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Logarithms 

The common logarithm (log) 

of a number (N) is the expo¬ 
nent (x) to which the base 10 

must be raised to yield the 
number. If N =10", then log 

N = x. 
The use of logarithms 

allows a large range of values 
to be conveniently expressed 
as small, nonexponential 

numbers. For example, log 
(103) = 3 and log (106) = 6. 
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Conversion Problems 

A conversion factor is a ratio 

of two quantities equal to 
one another. When working 

conversion problems, the 

conversion factors should be 
written so that the unit of a 

given measurement cancels, 
leaving the correct unit for 

your answer. Note that the 
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particular conversion factor 
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Significant Figures 

The significant figures in a 
measurement are all the dig¬ 

its known with certainty plus 
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in the measurements used in 

a calculation determines how 

you round the answer. 
When multiplying and 

dividing measurements, the 

rounded answer can have no 

more significant figures than 
the least number of signifi¬ 

cant figures in any measure¬ 
ment in the calculation. 

The product of 3.6 m X 

2.48 m = 8.928 m2 is rounded 
to 8.9 m2 (2 significant 

figures). 
When you add and sub¬ 

tract measurements, the 

answer can have no more 
decimal places than the least 

number of decimal places in 
any measurement in the 

problem.The difference of 

8.68 cm — 2.1 cm = 6.58 cm 

is rounded to 6.6 cm (one 
decimal place). 

Handbook 

For help with significant 
figures, go to page R59. 

XVI 



CONCEPTUAL PROBLEMS 

Problem-solving through applications that 

relate to students' experiences. 

Running Errands.32 

Separating a Heterogeneous Mixture.46 

Classifying Materials.51 

Counting Significant Figures 
in Measurements.68 

Understanding Atomic Number. Ill 

Writing Chemical Symbols of Isotopes. 113 

Using Atomic Mass to Determine 
the Relative Abundance of Isotopes. 116 

Writing Electron Configurations. 135 

Using Energy Sublevels to Write 
Electron Configurations. 167 

Writing the Symbols and Names of Ions. 193 

Predicting Formulas of 
Ionic Compounds. 196 

Drawing an Electron Dot Structure. 220 

Drawing the Electron Dot Structure 
of a Polyatomic Ion. 225 

Identifying Bond Type. 239 

Classifying and Naming Cations 
and Anions. 256 

Writing Formulas for Binary 
Ionic Compounds. 263 

Writing Formulas for Compounds 
with Polyatomic Ions. 265 

Writing a Skeleton Equation. 324 

Writing a Balanced Chemical Equation. 327 

Balancing a Chemical Equation. 328 

Writing Equations for Combination 
Reactions. 331 

Writing the Equation for a 
Decomposition Reactions. 332 

Writing Equations for Single- 
Replacement Reactions.334 

Writing Equations for Double- 
Replacement Reactions.335 

Writing Equations for 
Combustion Reactions.337 

Writing and Balancing Net 
Ionic Equations.343 

Interpreting a Balanced 
Chemical Equation.358 

Recognizing Exothermic and 
Endothermic Processes.507 

Applying Le Chatelier's Principle.555 

Finding the Order of a Reaction 
From Experimental Data.577 

Identifying Lewis Acids and Bases.593 

Using Equations to Illustrate the 
Action of a Buffer.622 

Identifying Oxidized and 
Reduced Reactants.634 

Assigning Oxidation Numbers 
to Atoms.641 

Identifying Oxidized and 
Reduced Atoms.643 

Identifying Redox Reactions.647 

Balancing Redox Equations 
by Oxidation-Number Change.649 

Balancing Redox Equations 
by Half-Reactions.652 

Determining Reaction Spontaneity.675 

Drawing Structural Formulas for Alkanes.697 

Naming Branched-Chain Alkanes.699 

Drawing Structural Formulas 
for Branched-Chain Alkanes.700 

Identifying Asymmetric Carbon Atoms.706 

XVII 



Relates content to current technological advances. 

1 Nature's Pharmacy. 18 

2 Hanging by a Thread. 43 

3 Scale Models.88 

4 Electron Microscopy.109 

5 Lasers at Work.147 

6 True Colors.168 

7 Building With Alloys.204 

8 The Chemistry of Adhesives.242 

9 Plasma TV.259 

10 Drug Testing.313 

11 Combating Combustion.340 

12 Just the Right Volume of Gas.376 

13 Thin Films.405 

14 Diving In.430 

15 Water Worth Drinking.463 

16 A Solution for Kidney Failure.478 

17 Solar Power Plants.518 

18 Don't Let Good Food Go Bad.548 

19 Rescuing Crumbling Books.623 

20 Cold Water Makes a Hot Meal.644 

21 Electroplating.685 

22 A Number You Can't Knock.716 

23 Organic Dyes.754 

24 Biomedical Implants.791 

25 Dating a Fossil.814 



Career opportunities that require an 
understanding of chemistry. 

Analytical Chemist. 93 

Archaeologist. 119 

Spectroscopist. 146 

Pharmacist. 256 

Hazardous Materials Specialist. 329 

Solid State Chemist.404 

Wastewater Engineer.452 

Firefighter. 514 

Professor of Chemistry. 579 

Stone Conservator.611 

Quality Control Chemist.654 

Organic Chemist. 701 

XIX 



Read for Meaning 

Before You Read 
The Guide for Reading helps you master 
concepts by introducing Key Concepts, 

Vocabulary, and a Reading Strategy. 

Connecting to Your World As yOU (<n0W;a burning match 

gives off heat When you strike a match, heat is released to the sur¬ 

roundings in all directions. You can classify this reaction as exothermic 

In addition to describing the direction of heat 

flow, you may also want to determine the 

quantity of heat that is transferred. How 

much heat does a burning match release 

to the surroundings? In this section you 

will leam how you can measure heat 

changes in chemical and physical 

processes by applying the concept of 

specific heat 

Calorimetry 
Heat that is released or absorbed during many chemical reactions can be 

measured by a technique called calorimetry. Calorimetry is the precise 

measurement of heal change for chemical and physical processes. In 

calorimetry, the heat released by the system is equal to the heat absorbed 

by its surroundings. In order to measure heal changes precisely, the 

process being investigated must be carried out in an insulated container. 

The insulated device used to measure the absorption or release of heat in 

chemical or physical processes is called a calorimeter. 

Constant-Pressure Calorimeters l oam cups arc excellent heat insula¬ 

tors. Because they do not let much heat in or out, they can be used as simple 

calorimeters. In fact, the heat change for many chemical reactions can be 

measured in a constant-pressure calorimeter similar to the one shown in Fig¬ 

ure 17.5. Because most chemical reactions and physical changes carried out 

in the laboratory are open to the atmosphere, these 

changes occur at constant pressure. For systems at con¬ 

stant pressure, the heat content is the same as a property 

called the enthalpy (H) of the system Hca 

reactions carried out at constant pressure ar 

changes in enthalpy, symbolized as A/7 (re« 

Because the reactions presented in this lexll 

constant pressure, the terms heal and enlhi 

interchangeably. In other words, (f ATI. 

Figure 17.5 In a simple constant-pressi 

calorimeter, the thermometer measures 
temperature change as chemicals react 

water. The substances reacting In solutk 

constitute the system. The water constit 
the surroundings. 

Guide for Reading 

O Key Concepts 

• What basic concept is made 
use of in calorimetry? 

• How can a chemical equation 
express heat change? 

Vocabulary 

calorimetry 

calorimeter 
enthalpy 
therm ©chemical equation 

heat of reaction 

heat of combustion 

Reading S 

Relating TexJ^nd Visuals As 
you read^Wok closely at Figure 

ripage511.Explain how 
e diagrams help you 

" understand exothermic and 
endothermic processes. 

As You Read 
Key Concepts in boldface sentences allow 
you to focus on the big ideas of chemistry. 

After You Read 
Section Assessment gives you the 
opportunity to review Key Concepts 

at the end of every lesson. 

17.2 Section Assessment 

16. Key Concept Calorimetry is based on what 

basic concept? 

17. Key Concept How arc heat changes treated in 

chemical equations? 

18. When 2 mol of solid magnesium (Mg) combines 

with 1 mole of oxygen gas (OJ, 2 mol o! solid 

magnesium oxide (MgO) is formed and 1204 kj of 

heal is released. Write the ihermochemical equa¬ 

tion for this combustion reaction. 

19. Gasohol contains ethanol (QH^OH) ((). which 

when burned reacts with oxygen to produce 

CO-Jg) and H2Ofg). How much heat is released 

when 12-5 g «»T ethanol bums? 

QTI5OIT®f .102C(i)-* 2COzfeJ + 3TT2Ofe> 

A IT — 1235 kJ 

20. F.xplain the term heal of combustion. 

Handbook 

Representative Elements Look up the important 

chemical reactions involving the representative ele¬ 

ments. Write five chemical equations that describe 

endothermic reactions, and five equations that 
describe exothermic reactions. 

'textbook 
Assessment Test you self on 
the concepts in Section 172. 

_wiihChemflSAP 

Check Your Understanding 
The Guided Reading and Study Workbook 

gives you extra support with vocabulary, 
reading and math skills, and graphics to 
enhance your understanding. 
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Practice Your Math Skills 

SAMPLE PROBLEM 17.4 

Using the Heat of Reaction to Calculate Heat Change 
Using the thermochemical equation in Figure 17.7b on page 511, 

calculate the amount of heat (in kj) required to decompose 2.24 mol 
NaHC03(s). 

^ ) Analyze List the knowns and the unknown. 

Knowns Unknown 

• 2.24 mol NaHC03fo) decomposes • AH - ? kj 
• A H= 129 kj 

Use the thermochemical equation, 

2NaHC03fs; + 129 kj-» Na2CO3(s) + HzO(g) + C02fgl, 

to write a conversion factor relating kilojoules of heat and moles of 

NaHC03. Then use the conversion factor to determine AH for 
2.24 mol NaHC03. 

O Calculate Solve for the unknown. 

The thermochemical equation indicates that 129 kj are needed to 

decompose 2 mol NaHC03fo). Use this relationship to write the fol¬ 
lowing conversion factor. 

129 kj 
2 mol NaHC03(s) 

Using dimensional analysis, calculate AH. 

129 kl 
AH = 2.24 moiWaH€03fyl x 

= 144 kj 

Evaluate Does the result make sense? 

Because AH = 129 kj refers to the decomposition of 2 mol NaHC03(sJ, 
the decomposition of 2.24 mol should absorb about 10% more heat 
than 129 kj, or slightly more than 142 kj. The answer of 144 kj is con¬ 
sistent with this estimate. 

Practice Problems 

14. When carbon disulfide is 

formed from its elements, 
heat is absorbed. Calculate 
the amount of heat (in kj) 
absorbed when 5.66 g of 

carbon disulfide is formed. 

C(s) + 2S (s)-> CS2 Cl) 

A H= 89.3 kj 

15. The production of iron and 

carbon dioxide from ironflll) 
oxide and carbon monoxide 
is an exothermic reaction. 
How many kilojoules of heat 

are produced when 3.40 mol 
Fe203 reacts with an excess 
of CO? 

¥e203(s) + 3CO(g)-» 
2Fe(s) + 3CO2(g) + 26.3 kj 

CHEMath 

Conversion Factors 

A conversion factor is a ratio 
of two quantities that are 
equal to one another. When 
doing conversions, write the 
conversion factors so that the 
unit of a given measurement 
cancels, leaving the correct 
unit for your answer. Note 
that the equalities needed to 
write a particular conversion 
factor may be given in the 
problem. In other cases, you 
will need to know or look up 
the necessary equalities. 

For help with conversion 
factors go to page 905. 

'Textbook 
Problem Solving 

Solve Problem 15 with the help 

of an interactive guided tutorial. 

_wrthChemASAP 

Practice for Test-Taking 
Success 
A variety of problems, utilizing 
a three-step problem-solving 
approach, helps you understand 
chemistry concepts while 
practicing vital math skills. 

Support Where You Need It 
You'll find additional help nearby 
with the ChemMath refreshers 
in the margins and the Math 
Handbook in the Appendix. 

Math Support Online 
The Interactive Textbook with 
ChemASAP contains practice 
and problem-solving tutorials 
to give you extra math 
reinforcement. 

Applying Le Chatelier's Principle 
Pago 4 of 6 

M8* 

l.SOLVf (continued) 
Determine the effect each stress will have on the equilibrium system. 

fwoii iMrtanti favors products Dotsnot affect fquilibiimn 

I I | i r«woy»f'ol tw»M > | j 

® u&K cjSl, iiJ 

CONCEPTUAL PROBLEM 17.1 

Recognizing Exothermic and Endothermic Processes 
On a sunny winter day, the snow on a rooftop begins to melt. As the melt¬ 
water drips from the roof, it refreezes into icicles. Describe the direction of 
heat flow as the water freezes. Is this process endothermic or exothermic? 

Q Analyze Identify the relevant concepts. 

Heat always flows from a warmer object to a 
cooler object. An endothermic process absorbs 

heat from the surroundings. An exothermic 
process releases heat to the surroundings. 

Practice Problems 

1. A container of melted paraffin wax is allowed to 
stand at room temperature until the wax solidi¬ 

fies. What is the direction of heat flow as the wax 
solidifies? Is the process exothermic or endo¬ 

thermic? 

Solve Apply concepts to this situation. 

Define the liquid water as the system and the 
air as the surroundings. Heat flows from the 
(warmer) liquid water to the (cooler) air. 
Because heat is released from the system to the 
surroundings, this process is exothermic. 

2. When solid barium hydroxide octahydrate 
(Ba(OH)2*8IT20) is mixed in a beaker with solid 

ammonium thiocyanate (NH4SCN), a reaction 
occurs. The beaker quickly becomes very cold. Is 
the reaction exothermic or endothermic? 

Two-Step Problem Solving 
Conceptual Problems encourage 
you to solve problems using 
critical thinking and analytical skills. 

3 



Prepare for Tests 

Assessment 

17.1 The Horn oi Erwrgy—Heac 

3*. hspoininfx^owcwciis^isvGfccscscn'a- 

CKC Of CSCCgy. 

39. What happens when Cm obiecis of dif¬ 

ferent scmpcrarurcs cosac in coarse? Gsrc ac 

caarrpic bom tout ok cxpccxncr. 

40. Define potential energy tn jecms of chemhiry 

41- IVbar factors .tetermiae i»K capacity-' 

42. V»>»i > the rr i. -ah-p be-.»<re~ s calorie and a 

G*xie» 

*3. Mate tbcfejifem-^agcGcversaocs. 

«.a_3Q x KTcal to Calories 

b- 444 csJ lojode 

e. 1.8 id *o jocies 

1 43 x 10 ikJ to cajorira 

44. V«b> do jrc think ii rs kepoKtani deslne the 

sygem aad S» susound'mgs? 

45. De'cnbe Ihe sgn cnmeniinn ih*. is used in 

ihermochemica] cBcufaiims- 

«&. t. a rvsarf? chgnrAr 

Trace ire ihe beaker becriTne-. ao bt>i to touch. 

a. T> ihe rracixxn e*r»iberrmc or encSmheTTTric? 

b. if the two sjDsrtDcs arc dcf-Tcd as the sys- 

.err.. wtwi conteones the sssmjundmgw 

47. CUsss '. these 7*-rcrasra *s earxhenr.ic or 

CQflOtbSSBX- 

a- cxKxeT'.s- —£ -^£‘— b. evspora alcohol 

c. but rung day~td d. baking a potato 

17_2 Measuring and rxprrssng Beat Changes 

44. What rtyrse is to a heel change at art- 

s»ci pressure? 

49. Wha t* the Careriiaa ofa.cakrrimecerJ 

50. -here are some obrkxtssocsos of csorirt 

cxpccmcars that use foam cups as esiorime- 

wrs. Xasne *1 teasi three. 

51. What &mcc vodd tou use do treasure roc hear 

released as mwwt TO&gac? 

52. Cne ihe sta7Cardcx!nd;tXi«»S3rhsain corn- 

besboe. 

53. Whst inlunaatimi a then in & ires—mhemica? 

173 Keat in Changes of State 

54. txpiam wriv icc rocirs at 0*C wkhour an increase 

of rcmperarorc. even though heat Sows from the 

sjTTTKjrxjings iii the system (the ice.. 

55. Caicuiarc the quantity of bear gained or kw: m 

the fodowiog changes. 

a. 330 mol of (reenes ai tFC. 

b. 0.44 mol of »&eam condensesai 10CTC. 

c. 135 naol SaUHis dissolves in water 

d-0.15 mol C-IlsO!l : taponiBsiUTBJC. 

54. Sodium acetate dissolves naadtfr in waver 

according Jo the following equation. 

NaCtHaOItt-* NsQIT50.ac*, 

Ah - 173kJ/mol 

Vtuuid ibts process increase or decrease the 

semperauins of ihe *aUfr? 

17.4 Calculating Heat .Reaction 

57. Taplain Hess's hew of heel summation. 

54. A consxlcrabte amount of hear is required for 

the deewmpa 

lilsOl 

Check Understanding at Every Step 
You'll have many opportunities to assess 
your understanding with Checkpoint 
questions and at the end of every section 
and chapter. 

temperature. As you can see from the equation, specific heat may be 

expressed in terms of joules or calories. Therefore, the units of specific heat 
are either J/(g x °C) or cal/(g x °Q. 

^Checkpoint) What is the relationship between specific heat and heat 

capacity? 

a- Vital b lb* 

1 raodof af 

b. Is the re&L.. 

59. Calculate -he 

fcadOV) cfcta 

chloride with 

IM. 

60. Wha i> the si 

rlwnwT in jj; 

41. Consider the 

value of A T1{ 

Is tfss ssasem 

Standardized Test Prep 

Test-Taking Tip 

17.2 Section Assessment 

16. Key Concept CakHimeirv is based on what 

basac concept? 

17. Key Concept How are hea: changes treated in 

chemical equations? 

14. \%hen 2 mol of sold magnessaaa "Nig. combines 

with 1 raoie of oxygen gas O,?. 2 moi of so£d 

magneshgri oxide XgO is formed and 120$ kj of 

heat r» released- Write *e •mermocbesijca! equa- 

txm for this combustion reactioc. 

19. CasohoJ contains ethanoi IC^OfQtQ, which 

when burned reacts with oxygec to -produce 

C£X(g and H.O ^a How much heat is released 

when 123 g of ethanol bums? 

CjHjOH/T; * 30j<g;-» 2CO2® * SHfifg; 

AH= - 1235 kj 

20. Explain the term hea: of combustion. 

- Handbook 

Representative Elements took up the important 

chemical reactions invoMng the representative'ele¬ 

ments. Write fhe chemical equations that describe 

endothermic reactions.and five equators that 

describe exothermic reaetdns. 

Assessment Test yoixseffon 

the concepts in Section 172. 

_^-ChemASAP 

Elsnineta Wrong Answers # you doot know 

which response s correct, start by eliminating 

the* you know are wrong, tf you can rule out 

seme choices, ytx/T have fewer left to consider 

and yW* increase your chances of choosing the 

correct answer- 

Seied the choice that best answers each question or 

campieies each statement. 

1. Ibc of cchaool r.C,H,OHJ is4 60kJ-moL 

How many kTajnuWs are required U> mdl 243 g 

oferhaaeri at its freeziog point? 

a 245 kj b. 533 kJ 

c 245 kj d. 183 k] 

2. How ouch beat, in kriojorics. must be added to 

ITS g of water to iacreasc the temperature of 

the water by 3XPC ? 

a.H90kJ b.3Skj 

d. 0.093 kJ 

rnaiion of a free 

1 state is always 

b. positive 

d. highor for solids than 

Basra. 

WfOts} —» 2Hg'.f 
for me reaction 

The lettered dunces below refer to Questions 7-10. A 

lettered choice may be used once, more than once, or 

notatalL 

(A) kj . mol 

CB) U x *Q/g 

(QJ/Cgx-Q 

fD)kJ 

ODkJft 
Which unit is appropriate for each of the following 

measurements? 

7. beat of reaction 

5. beat capacity 

9. molar heal of fuskin 

10. specific beat capacity 

Use the graph and table to answer Questions 11-14. 

Assume 1.00 mo! of substance m each container. 

fXi) is 

90.83 kl 

181.66 kJ. 

rily of grain alcohol b len 

pcciSc beat capacity of 

x with a mass of 55 g is 

ma»of cuol alcohol. If 

silver bar drops 45 “C. 

akobol 

b. decreases 43*C. 

d. decreases. 45*T_ 

line gas react to form 

Calculate the beat 

nmeniun of 15.0 g of 

_sant pressure 

• Fiji-tffllEj: 

© • 

S Jb«tanc« Frradnfl 
point X 

3H. 8*Sns 
kJ mo point X dul/moT 

Ammonia 195J 5.65 ! 239.7 233 

Benzene 273.7 9-87 | 3533 303 

Methanol 1753 3.15 ! 3372 353 

Neon 243 0.33 I 27.1 1.76 

11. Calculate heal absorbed m region A for neon. 

12. Calculate heal absorbed in region C for bervene. 

13. Calculate bear absorbed in regions d and C for 

meihanol. [specific heal 81 £ Jl (g X *01 

. 

Heating Curve for Water 

Interpreting Graphs 

Practice analyzing data in charts and 
graphs—important skills you'll need 
to succeed on tests. 

INTERPRETING GRAPHS 

a. Identify In which regiorxs 

of the graph is the slope zero? 

b. Describe How does the 

amount of energy required to 

melt a given mass of ice 

compare to the energy 

required to vaporize the same 

mass of water? Explain 

c. Apply Concepts Which 

region of the graph 

represents the coexistence of 

solid and Squid? Liquid and 

solid’ 
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Use the Illustrations and Photos 

Figure 17.2 Heat flow is defined from the point of view of the system. 
O In an endothermic process, heat flows into the system from the 
surroundings. © In an exothermic process, heat flows from the system 
to the surroundings. In both cases, energy is conserved. Interpreting 
Diagrams In which process does q have a negative value? 

Art and Text Work Together 
As you read the text, you'll find helpful 
photos and illustrations that make 
concepts more easily understood. 
Diagrams simplify complex ideas 
and demonstrate abstract processes. 

Figure 17.6 Kutrttorxsts use 
bomb cafenrveters to masure 
the energy coraens of the foods 
you ear To see some of their 
<322 'expressed in Calories per 
senringL you can look at a 
nutrition labei. Calculating 
According to the nutrition label 

below, each servmg contains 

7 40 Calories. How many 

kiojexMes is this? 

Nutrition Facts 
Serang 5es 1 Cooke 26c 03ce. 
Senangs Per Ccrtscer S 

Calories ' Zecr-s —- -s ~ 

Total Fal Sg_12* 

5e-re: -s Zf :_13 S 

°crAr^ruaec Fae Og_ 

VtaxtrsauaKi fx 3g 

CHotesfrol ~tc_3* 

Sodjara 55 ~ng_3S 

Total Carbohydrate • 5g_5 S 

Explore the Technology at Your Fingertips 

with ChemASAP 

£ u4a 3*= X B 

Go Interactive! 
Explore chemistry 
online or on CD-ROM 
with this truly interactive textbook. ChemASAP 
brings you Animations, Simulations, Assessment, 
and Problem Solving Tutorials to enrich your studies. 

A World of Resources 
Go Online Web links bring 
you quick access to a 
variety of chemistry topics. 
Continuously, updated with 

current information, these sites show 
you how chemistry impacts your world. 

^Go-Vlnline 
1-*=*\s.i 

For Links on specific heat 
Visit: v.vav-Sc£LInkscsrg 

Web code: cdn-117i 

t rirtual 
CHEMLab 

A Simulated Lab 
Environment 
These hands-on lab activities 
let you perform exciting 
experiments without the worry 
of equipment or clean-up. 



Solid or Liquid? 

Materials 

tablespoon, cornstarch, small bowl, water 

5. Take a handful of the mixture and form a ball. 

Squeeze and release the ball several times. 

Think About It 

1. What happened when you slowly pushed your 

finger or fist into the mixture? 

2. What happened when you jabbed your finger or 

fist into the mixture? 

3. What happened when you squeezed the ball? 

When you released the ball? 

4. What factor seems to determine whether the 

mixture behaves like a solid or like a liquid? 

Procedure ni u 
1. Add 3 heaping tablespoons of cornstarch to the 

bowl, and then add 3 tablespoons of water. 

2. Use the spoon to thoroughly stir the contents of 

the bowl.Then let the mixture stand for 5 minutes. 

3. Slowly push your finger into the mixture. Repeat 

with your fist. 

4. Quickly jab your finger into the mixture. Repeat 

with your fist. 

CHAPTER Introduction to 

Chemists use a multi-channel 

pipette to test many samples 

at the same time. 

INQUIRY 



Chemistry 

Connecting to Your World T. ^ ... 
* The Galileo spacecraft was 

placed in orbit around Jupiter to collect data about the planet and its 

moons. Instruments aboard Galileo analyzed the atmosphere of the 

moon lo.They found large amounts of sulfur and 

sulfur dioxide.These chemicals are usually 

released when volcanoes erupt on Earth. 

So the presence of these chemicals 

verified that the volcanoes on lo's 

surface are active. Chemistry helped 

scientists to study the geology of 

a distant object in the solar system. 

In this section, you will learn about 

chemistry in general and ways you can 

use your knowledge of chemistry. 

What Is Chemistry? 
In autumn thousands of visitors travel to New England to view vivid colors 

like those in Figure 1.1. These colors appear as the trees approach the win¬ 

ter months when growth no longer takes place. The bright pigments are 

produced by a complex chemical process, which depends on changes in 

temperature and hours of daylight. The color pigments in leaves are an 

example of matter. Matter is the general term for all the things that can be 

described as materials, or “stuff.” Matter is anything that ha& mass and 

occupies space. You don't have to be able to see something for it to qualify 

as matter. The air you breathe is an example of “invisible” matter. 

Chemistry is the study of the composition of matter and the changes 

that matter undergoes. Because living and nonliving things are made 

of matter, chemistry affects all aspects of life and most natural events. 

Chemistry can explain how some creatures survive deep in the ocean 

where there is no light, or why some foods taste sweet and some taste bitter. 

It can even explain why there are different shampoos for dry or oily hair. 

rnrnJm m .. .. 

Guide for Reading 

Key Concepts 
• Why is the scope of chemistry 

so vast? 
• What are five traditional areas 

of study in chemistry? 
• How are pure and applied 

chemistry related? 
• What are three general reasons 

to study chemistry? 

Vocabulary 
matter 

chemistry 

organic chemistry 

inorganic chemistry 

biochemistry 

analytical chemistry 

physical chemistry 

pure chemistry 

applied chemistry 

technology 

Reading Strategy 
Relating Text and Visuals As 
you read, look closely at Figure 1.2. 
Explain how this illustration helps 
you to understand the traditional 
areas of study in chemistry. 

Figure 1.1 Chemical changes 
that occur in leaves can cause 
brilliant displays of color. 



Areas of Study 

Figure 1.2 Chemists study 
structures and processes in the 

human body. Inferring Does 
a bone contain mainly organic 
or inorganic chemicals? 

Analytical Chemistry 

Analytical chemists develop tests 

to detect chemicals in the blood. 
The tests help to show if organs in 

the body are working properly. 

Biochemistry 

A biochemist might study how the 
energy used for the contraction of 

muscles is produced and stored. 

Because the scope of chemistry is vast, chemists tend to focus on one area. 

<^ Five traditional areas of study are organic chemistry, inorganic 

chemistry, biochemistry, analytical chemistry, and physical chemistry. 

Most of the chemicals found in organisms contain carbon. Organic 

chemistry was originally defined as the study of these carbon-based chem¬ 

icals. Today, with a few exceptions, organic chemistry is defined as the 

study of all chemicals containing carbon. By contrast, inorganic chemistry 

is the study of chemicals that, in general, do not contain carbon. Inorganic 

chemicals are found mainly in non-living things, such as rocks. The study 

of processes that take place in organisms is biochemistry. These processes 

include muscle contraction and digestion. Analytical chemistry is the area 

of study that focuses on the composition of matter. A task that would fall 

into this area of chemistry is measuring the level of lead in drinking water. 

Physical chemistry is the area that deals with the mechanism, the rate, and 

the energy transfer that occurs when matter undergoes a change. 

The boundaries between the five areas are not firm. A chemist is likely 

to be working in more than one area of chemistry at any given time. For 

example, an organic chemist uses analytical chemistry to determine the 

composition of an organic chemical. Figure 1.2 shows how research in 

these areas of study can be used to keep humans healthy. 

Inorganic Chemistry 
An inorganic chemist might 
explain how a lack of 
calcium can affect the 

growth and repair of bones. 

Organic Chemistry 

Athletes inhale chemicals 

developed by organic 

chemists to control 
symptoms of asthma. 

«******•’ 

Physical Chemistry 
A physical chemist 

might study factors 
that affect breathing 
rates during exercise. 

■ 
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Pure and Applied Chemistry 
Some chemists enjoy doing research on fundamental aspects of chemistry. 

This type of research is sometimes called pure chemistry. Pure chemistry is 

the pursuit of chemical knowledge for its own sake. The chemist doesn’t 

expect that there will be any immediate practical use for the knowledge. 

Most chemists do research that is designed to answer a specific question. 

Applied chemistry is research that is directed toward a practical goal or 

application. In practice, pure chemistry and applied chemistry are often 

linked. Pure research can lead directly to an application, but an 

application can exist before research is done to explain how it works. Nylon 

and aspirin provide examples of these two approaches. 

Nylon For years, chemists didn’t fully understand the structure of materi¬ 

als such as cotton and silk. Hermann Staudinger, a German chemist, 

proposed that these materials contained small units 

joined together like links in a chain. In the early 

1930s, Wallace Carothers did experiments to test 

Staudinger’s proposal. His results supported the 

proposal. During his research Carothers pro¬ 

duced some materials that don’t exist in nature. 

One of these materials, nylon, can be drawn 

into long, thin, silk-like fibers, as shown in 

Figure 1.3. Because the supply of natural silk was 

limited, a team of scientists and engineers were 

eager to apply Carothers’s research to the commercial 

production of nylon. By 1939, they had perfected a large- 

scale method for making nylon fibers. 

Figure 1.3 Long, thin nylon 

fibers are woven into the fabric 

used in this backpack. Other 

objects that can be made from 
nylon are jackets, fishing lines, 

toothbrush bristles, and ropes. 

Aspirin Long before researchers figured out how aspirin works, people 

used it to relieve pain. By 1950, some doctors began to recommend a low 

daily dose of aspirin for patients who were at risk for a heart attack. Many 

heart attacks occur when blood clots block the flow of blood through arter¬ 

ies in the heart. Some researchers suspected that aspirin could keep blood 

clots from forming. In 1971, it was discovered that aspirin can block the 

production of a group of chemicals that cause pain. These same chemicals 

are also involved in the formation of blood clots. 

Technology The development of nylon and the use of aspirin to prevent 

heart attacks belong to a system of applied science called technology. 

Technology is the means by which a society provides its members with 

those things needed and desired. Technology allows humans to do some 

things more quickly or with less effort. It allows people to do things that 

would be impossible without technology, such as traveling to the moon. In 

any technology, scientific knowledge is used in ways that can benefit or 

harm people and the environment. Debates about how to use scientific 

knowledge are usually debates about the risks and benefits of technology. 

(^Checkpoint) Which material found in nature does nylon resemble? 

C 
I > 

Go inline 
-€maSC/lNK5 

For: Links on Applied 
Chemistry 

Visit: www.SciLinks.org 
Web Code: cdn-1011 
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Why Study Chemistry? 
Should you use hot water or cold water to remove sunblock from a shirt? 

How could studying chemistry help you to be a better nurse, firefighter, 

reporter, or chef? If your local government wanted to build a solid waste 

incinerator in your town, what questions would you ask about the project? 

Chemistry can have an impact on all aspects of your life. Chemistry 

can be useful in explaining the natural world, preparing people for 

career opportunities, and producing informed citizens. 

Explaining the Natural World You were born with a curiosity about 

your world. Chemistry can help you satisfy your natural desire to under¬ 

stand how things work. For example, chemistry can be seen in all aspects of 

food preparation. Chemistry can explain why peeled apples turn brown 

upon exposure to air. It can explain why the texture of eggs changes from 

runny to firm as eggs are boiled or scrambled. Chemistry can explain why 

water expands as it freezes, sugar dissolves faster in hot water, and adding 

yeast to bread dough makes the dough rise. After you study this textbook, 

you will know the answers to these questions and many more. 

Figure 1.4 Even after the 
invention of the digital camera, 
many photographers still work 
with film. They use chemical 
processes to develop film and 
produce prints in a darkroom. 
Inferring Why isn't film 
developed under natural 
light conditions? 

Preparing For a Career Being a chemist can be rewarding. Section 1.2 

will present some examples of how chemists contribute to society. In this 

book, you will find features on careers that require knowledge of chemistry. 

Some of the choices may surprise you. You do not need to have the word 

chemist in your job title to benefit from knowing chemistry. For example, a 

firefighter must know which chemicals to use to fight different types of 

fires. A reporter may be asked to interview a chemist to gather background 

for a story. Turf managers are admired for the patterns they produce on a 

ball field while mowing grass, but their more important task is keeping the 

grass healthy, which requires an understanding of soil chemistry. A photo¬ 

grapher, like the one in Figure 1.4, uses chemical processes to control the 

development of photographs in a darkroom. 
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Being an Informed Citizen Industry, private foundations, 

and the federal government all provide funds for scientific 

research. The availability of funding can influence the direction 

of research. Those who distribute funds have to balance the 

importance of a goal against the cost. Because there is a limit to 

the money available, areas of research often compete for funds. 

For example, space exploration research could not take 

place without federal binding. Critics argue that the money 

spent on space exploration would be better spent on programs 

such as cancer research. Those who support space exploration 

point out that NASA research has led to the development of 

many items used on Earth. These include smoke detectors, 

scratch-resistant plastic lenses, heart monitors, and flat-screen 

televisions. What if all the money spent on space exploration 

was used to find a cure for cancer? Are there enough valid ave¬ 

nues of research to take advantage of the extra funding? Would 

there be qualified scientists to do the research? 

Like the citizens shown in Figure 1.5, you will need to make 

choices that will influence the development of technology. You 

may vote directly on some issues through ballot initiatives or 

indirectly through the officials you elect. You may speak at a 

public hearing or write a letter to the editor or sign a petition. 

When it comes to technology, there is no one correct answer. 

But knowledge of chemistry and other sciences can help you 

evaluate the data presented, arrive at an informed opinion, and 

take appropriate action. 

Figure 1.5 By registering to vote, 

these citizens in Chicago, Illinois, 

can have a say in the decisions 
made by their government. Those 

decisions include how much money 

to provide for scientific research. 

1.1 Section Assessment 

1. Key Concept Explain why chemistry affects all 

aspects of life and most natural events. 

2. Key Concept Name the five traditional areas 

into which chemistry can be divided. 

3. Key Concept Describe the relationship 

between pure chemistry and applied chemistry. 

4. Key Concept List three reasons for 

studying chemistry. 

5. Workers digging a tunnel through a city find some 

ancient pots decorated with geometric designs. 

Which of the following tasks might they ask a 

chemist to do? Explain your answer. 

a. Determine the materials used to make the pots. 

b. Explain what the designs on the pots represent. 

c. Recommend how to store the pots to prevent 

further damage. 

6. Would a geologist ask a biochemist to help identify 

the minerals in a rock? Explain your answer. 

7. Explain how knowledge of chemistry can help 

you be a more informed citizen. 

Writing Activity 

Describing Technology Pick one activity that 
you can do faster or with less effort because of 
technology. Write a paragraph in which you des¬ 

cribe the activity, identify the technology, and 
explain how the technology affects the activity. 

Textbook 

Assessment 1.1 Test yourself 
on the concepts in Section 1.1. 

_with ChemASAP 
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Chemistry Far and Wide 

Guide for Reading 

Key Concepts 

• What impact do chemists have 

on materials, energy, medicine, 

agriculture, the environment, 

and the study of the universe? 

Vocabulary 

macroscopic 

microscopic 

biotechnology 

pollutant 

Reading Strategy 

Monitoring Your Understanding 

After you read this section, identify 

something you learned that is 

important to your life and explain 

why it is important to you. 

Connecting to Your World Thefirsttools were objects such 

as a stone with a sharp edge. In time, people learned to reshape these 

objects to produce better tools. Native Americans 

in what is now Illinois drilled holes in mussel 

shells and carved lines onto the shells to 

make them look like small fish.The shells 

were likely used as lures for ice fishing. 

People also began to produce materials 

that did not exist in nature. By weaving 

plant fibers together, they made cloth, 

which is softer and dries more quickly 

than animal skins. Chemistry plays a key 

role in the production of new materials. In 

this section, you will learn how chemistry affects 

many aspects of modern life. 

Materials 
The search for new materials continues. Chemists design materials to 

fit specific needs. Often they find inspiration in nature. In 1948, while hiking 

through the woods of his native Switzerland, George de Mestral took a close 

look at the pesky burrs that stuck to his clothing. When he looked at the 

burrs under magnification, he saw that each burr was covered with many 

tiny hooks that could latch on to tiny loops in the woven cloth of his cloth¬ 

ing. George had a weaver make two cloth tapes. On the surface of one tape 

were hooks, and on the surface of the other tape were loops that the hooks 

could fit into, as shown in Figure 1.6. In 1955 George patented the design 

for his hook-and-loop tapes. These tapes are used as fasteners for items 

such as shoes and gloves. 

This story illustrates two different ways of looking at the world—the 

macroscopic view and the microscopic view. The burrs that George de 

Mestral used as a model for his tapes are small compared to many objects 

in nature. However, they were large enough for George to see. Burrs belong 

to the macroscopic world, the world of objects that are large enough to see 

with the unaided eye. George needed more than his own vision to see the 

hooks on a burr. The hooks belong to the microscopic world, or the world of 

objects that can be seen only under magnification. 

Figure 1.6 This is a magnified view of hook- 

and-loop tape. Color was added to the photo 

to highlight the structures. Classifying Does 
the photograph show a macroscopic or a 

microscopic view of the tape? Explain. 
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Energy 
Energy is necessary to meet the needs of a modern society. It is used to heat 

buildings, manufacture goods, and process foods. It is used to transport 

people and goods between locations. With population growth and more 

industrialization around the globe, the demands for energy continue to 

increase. There are two ways to meet the demand for energy—conserve 

energy resources and produce more energy. (T^ Chemists play an essential 

role in finding ways to conserve energy, produce energy, and store energy. 

Conservation One of the easiest ways to conserve energy is through the 

use of insulation. Much of the energy consumed is used to keep houses 

warm and freezers cold. Insulation acts as a barrier to heat flow from the 

inside to the outside of a house or from the outside to the inside of a freezer. 

The foam used in drink cups provides excellent insulation because it con¬ 

tains pockets of trapped air. One of the most exciting modern insulation 

materials devised by chemists is SEAgel, which is a foam made from sea¬ 

weed. SEAgel is very lightweight. In fact, SEAgel is so light that it can float 

on soap bubbles, as shown in Figure 1.7. 

Production The burning of coal, petroleum, and natural gas is a major 

source of energy. These materials are called fossil fuels because they 

formed from the remains of ancient plants and animals. Scientists are 

always looking for new sources of energy because the supply of fossil fuels 

is limited. One intriguing possibility is fuels obtained from plants. Oil from 

the soybeans shown in Figure 1.8 is used to make biodiesel. Regular diesel 

fuel is a petroleum product that produces an irritating black exhaust when 

it burns. When biodiesel burns, the exhaust smells like French fries! 

Figure 1.7 This insulation is 
light enough to float on soap 

bubbles yet is very effective 

at preventing heat transfer. 

Storage Batteries are devices that use chemicals to store energy that will 

be released as electric current when the batteries are used. Batteries vary in 

size, power, and hours of useful operation. For some applications, it is 

important to have batteries that can be recharged rather than thrown away. 

One application that benefits from rechargeable batteries is cordless tools. 

These tools were first developed for NASA. Astronauts in the Apollo pro¬ 

gram needed a way to drill beneath the Moon’s surface to collect samples. 

Other devices that use rechargeable batteries are digital cameras, wireless 

phones, and laptop computers. 

Figure 1.8 Oil from soybeans 
can be used in a substitute for 

regular diesel fuel. 
Predicting The supply of 

diesel fuel is limited. Is the 

supply of soybeans limited? 

(^Checkpoint) What plant is a source of biodiesel? 

Soybean in pod 



Medicine and Biotechnology 
No field has benefited more from advances in chemistry than medicine. 

<T^ Chemistry supplies the medicines, materials, and technology that 

doctors use to treat their patients. Work in the field of medicine is often 

done by biochemists. Their overall goal is to understand the structure of 

matter found in the human body and the chemical changes that occur in 

cells. To accomplish their goal, they work with biologists and doctors. 

Medicines There are over 2000 prescription drugs. They are designed to 

treat various conditions including infections, high blood pressure, and 

depression. Other drugs, such as aspirin and antacids, can be sold without 

a prescription. Many drugs are effective because they interact in a specific 

way with chemicals in cells. Knowledge of the structure and function of 

these target chemicals helps a chemist design safe and effective drugs. 

Materials Chemistry can supply materials to repair or replace body 

parts. Diseased arteries can be replaced with plastic tubes. Artificial hips 

and knees made from metals and plastics can replace worn-out joints and 

allow people to walk again without pain. Burn patients may benefit from a 

plastic “skin” that can heal itself when the plastic cracks. Chemicals that 

repair the damage are released from tiny capsules in the plastic. 

Figure 1.9 The discovery of the 
structure of DNA led to the 

development of biotechnology. 
0 This computer graphics 

model shows a small segment of 
DNA. © The conditions in a 
bioreactor are controlled so that 

the bacteria produce as much of 
the product as possible. 

Biotechnology Figure 1.9a shows a model of a small piece of DNA. Seg¬ 

ments of DNA called genes store the information that controls changes that 

take place in cells. From 1990 to 2003, scientists worldwide worked on the 

Human Genome Project. They identified the genes that comprise human 

DNA—about 30,000. They determined the sequence of the genes in DNA. 

Some tools these scientists developed are used in biotechnology. 

Biotechnology applies science to the production of biological products 

or processes. It uses techniques that can alter the DNA in living organisms. 

It may depend on the transfer of genes from one organism to another. 

When genes from humans are inserted into bacteria, the bacteria act as fac¬ 

tories. They produce chemicals of importance to humans, such as insulin, 

which is used to treat some types of diabetes. Production takes place in 

large versions of the bioreactors in Figure 1.9b. In the future, scientists 

expect to use gene therapy to treat some diseases. A gene that is not work¬ 

ing properly would be replaced with one that will work properly. 
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Agriculture 
The world’s population is increasing, but the amount of land available to 

grow food is decreasing. Land that was once used for agriculture is now 

used for homes and industries. So it is important to ensure that land used 

for agriculture is as productive as possible. Chemists help to develop 

more productive crops and safer, more effective ways to protect crops. 

Productivity One way to track productivity is to measure the amount of 

edible food that is grown on a given unit of land. Some factors that decrease 

productivity are poor soil quality, lack of water, weeds, plant diseases, and 

pests that eat crops. Chemists can help with many of these problems. They 

test soil to see if it contains the right chemicals to grow a particular crop 

and recommend ways to improve the soil. They use biotechnology to 

develop plants that are more likely to survive a drought or insect attack. 

Chemists can also help to conserve water. In many regions, water is not 

an abundant resource. Finding reliable ways to determine when a crop 

needs water is important. The jellyfish in Figure 1.10 has a gene that causes 

it to glow. If that gene is inserted into a potato plant, the plant glows when 

it needs to be watered. These altered plants would be removed from the 

field before the rest of the crop was harvested. 

Crop Protection For years, farmers have used chemicals to attack insect 

pests. In the past, these chemicals were nonspecific; that is, a chemical 

designed to kill a pest could also kill useful insects. Today, the trend is 

toward chemicals that are designed to treat specific problems. These chem¬ 

icals are often similar to the chemicals that plants produce for protection. 

Chemists sometimes use chemicals produced by insects to fight insect 

pests. Female insects may produce chemicals that attract male insects. 

This type of chemical has proved effective in combating pinworms. The 

worms leave holes and black blotches when they tunnel into tomatoes. 

Pinworms mate when they are in the moth stage of development. The plas¬ 

tic tube wrapped around the stem of the tomato plant in Figure 1.11 con¬ 

tains the chemical that a female pinworm moth emits to attract male 

moths. When the chemical is released from these tubes, it interferes with 

the mating process so that fewer pinworms are produced. 

(^Checkpoint) What jellyfish gene did scientists transfer to a potato? 

Figure 1.10 If genes from this 
jellyfish (Aequaria victoria) are 

transferred to a potato plant, the 
plant glows when it needs to be 

watered. Predicting How does 

the modified plant help a farmer 
to conserve water? 

Figure 1.11 In the plastic tube 

wrapped around the tomato 
stem, there is a chemical that 

attracts male pinworm moths. 
This process reduces the rate of 
mating between female and 

male moths, and the number of 

pinworms produced. 
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Figure 1.12 This poster was used to 

warn people about the danger to 
children from lead-based paint. 

The Environment 
One unintended consequence of new technologies is the produc¬ 

tion of pollutants. A pollutant is a material found in air, water, or soil 

that is harmful to humans or other organisms. <^ Chemists help 

to identify pollutants and prevent pollution. 

Identify Pollutants Lead is a pollutant with a long history. The 

Romans used lead pipes for plumbing and stored their wine in lead- 

glazed vessels. Brain damage from lead poisoning may have caused 

Roman rulers to make bad decisions, which led to the fall of the 

Roman Empire. Until the mid-1900s, lead was used in many prod¬ 

ucts, including paints and gasoline. A study done in 1971 showed 

that the level of lead that is harmful to humans is much lower than 

had been thought, especially for children. Low levels of lead in the 

blood can permanently damage the nervous system of a growing 

child. This damage causes many problems, including a reduced 

ability to learn. 

Prevent Pollution The use of lead paint in houses was banned 

in 1978. Using lead in gasoline and in public water supply systems 

was banned in 1986. Today, the major source of lead in children is 

lead-based paint in about 39 million homes built before 1978. When 

children play with flakes of peeling paint or touch surfaces covered 

with paint dust, they can transfer the paint to their mouths with 

their fingers. The strategies used to prevent lead poisoning include 

testing children’s blood for lead, regulation of home sales to families 

with young children, and public awareness campaigns with posters 

like the one in Figure 1.12. The graph in Figure 1.13 shows the 

results of these efforts. 

(^Checkpoint) When was the use of lead paint in houses banned? 

Figure 1.13 This graph shows 
data on children in the United 

States with higher than accept¬ 
able levels of lead in their blood. 

INTERPRETING GRAPHS 

a. Analyzing Data What per¬ 
cent of children had elevated 
lead levels in the 1970s? 

b. Calculating If a percentage 
point equals 200,000 children, 
how many children had 

elevated lead levels in 2000? 
c. Drawing Conclusions 

Explain the dramatic drop in 

the percentage of children 
affected by lead poisoning 

between 1980 and 1988. 

Children in U.S.With Elevated Blood Lead Levels 
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The Universe 
Scientists assume that the methods used to study Earth can be applied to 

other objects in the universe. To study the universe, chemists gather 

data from afar and analyze matter that is brought back to Earth. 

In the early 1800s, scientists began to study the composition of stars by 

analyzing the light they transmitted to Earth. In 1868, Pierre lanssen dis¬ 

covered a gas on the sun’s surface that was not known on Earth. Norman 

Lockyer named the gas helium from the Greek word helios, meaning “sun.” 

In 1895, William Ramsay discovered helium on Earth. 

Because the moon and the planets do not emit light, scientists must use 

other methods to gather data about these objects. They depend on matter 

brought back to Earth by astronauts or on probes that can analyze matter in 

space. Chemists have analyzed more than 850 pounds of moon rocks that 

were brought back to Earth. The large rock in Figure 1.14a is similar to rocks 

formed by volcanoes on Earth, suggesting that vast oceans of molten lava 

once covered the moon's surface. Figure 1.14b is a drawing of the robotic 

vehicle Opportunity. The vehicle was designed to determine the chemical 

composition of rocks and soil on Mars. Data collected at the vehicle’s landing 

site indicated that the site was once drenched with water. 

Figure 1.14 Withhelpfrom 

NASA, chemists study matter 
from other bodies in the solar 

system. © Apollo astronauts 

brought rocks from the moon 

back to Earth. © This artist's 

drawing shows the robotic 
vehicle Opportunity on the 

surface of Mars. 

1.2 Section Assessment 

8. <T^ Key Concept When chemists develop new 

materials, what is their general goal? 

9. Key Concept Name three ways chemists help 

meet the demand for energy. 

10. Key Concept How do chemists help doctors 

treat patients? 

11. Key Concept What role do chemists play 

in agriculture? 

12. Key Concept How do chemists help protect 

the environment? 

13. Key Concept Describe two ways that 

chemists study the universe. 

14. Use lead as an example to explain the meaning of 

the term pollutant. 

15. Use an example to compare and contrast the 

terms macroscopic and microscopic. 

BBSSH^Handbook^ 

Cleaning Up Pollutants Read about phytoremedia¬ 
tion on page R44. Write a paragraph summarizing 

this method for dealing with pollutants. Explain 
how it could be used to dean up soil containing 

high levels of lead. 

a 

Textbook 

Assessment 1.2 Test yourself 
on the concepts in Section 1.2. 

■_with ChemASAP 
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Cinchona tree 

Cinchona succirubra 

Bark from this tree was used 

for centuries to treat malaria, 

a disease with recurring 

bouts of fever and chills. 

The active ingredient in the 

bark is quinine—the chemical 

that gives tonic water 

its bitter taste. 

Nature's Pharmacy 

About 40 percent of all modern medicines come from chemicals 

produced by plants or animals. With any source, chemists must first 

identify the effective, or active, ingredient.Then they must purify 

the chemical and show that it is safe for human use. Chemists 

often modify a chemical to make it more effective or less toxic. 

Applying Concepts Are the chemicals derived from plants 

and animals organic or inorganic? 

The poison produced by this 

plant (digitalis) is used in small 

doses to treat congestive heart 

failure. It causes heart muscle 

cells to contract with more power, 

which increases the ability of the 
heart to pump blood. 

Willow bark 

Salix babylonica 

For centuries, people made a tea from 

willow bark to treat headaches and 

other ailments. By 1828, chemists had 

isolated the active ingredient in willow 

bark. For the next 70 years, chemists 

worked to produce the most effective 

drug based on this chemical. What they 

produced is aspirin (acetylsalicylic acid). 

Technology & Society 



Death stalker scorpion 

Leiurus quinquestriatus 

This scorpion's narrow 

pincers are weak, but the 

venom in its tail is very 

powerful. Scientists have 

isolated a chemical from 

this venom, which is used 

to treat an incurable form 

of brain cancer. 

Cone snail 

Conus striatus 

Cone snails produce toxins that 

paralyze their prey.Chemists are 

studying these toxins as possible 

treatments for chronic pain and 

nervous system disorders, such 

as Parkinson's disease. 

Vampire bat 

Desmodus rotundus 
After this bat bites an animal with its sharp teeth, it laps 

up blood from the wound. A chemical in the bat's saliva 

keeps the blood from clotting. Doctors use this chemical 

to dissolve blood clots that cause strokes. 

lM 

Poison dart frogs 

Dendrobates reticulatus 

Poisons from the food these 
tiny (1/2-inch-long) frogs eat 

collect in their skin. Chemists 

use these poisons to study 

the human nervous system. 

A chemical found in a frog 

from Ecuador served as a 

model for a drug that is as 

powerful a painkiller as 

morphine but is not addictive. 

Nature's Products Can Be Harmful 

Chemicals from natural sources are 

not always effective or harmless. 
In 2004, the FDA banned weight-loss 

products based on the herb ephedra 

This herb contains the chemical 
ephedrine, which is associated with 

increased blood pressure,abnormal 

heart rates, a higher risk of stroke, 

and even death. 

Technology and Society 19 



Thinking Like a Scientist 

Guide for Reading 

Key Concepts 
• How did alchemy lay the 

groundwork for chemistry? 

• How did Lavoisier help to 

transform chemistry? 

• What are the steps in the 

scientific method? 

• What role do collaboration 

and communication play 

in science? 

Vocabulary 
scientific method 

observation 

hypothesis 

experiment 

manipulated variable 

responding variable 

theory 

scientific law 

Reading Strategy 
Building Vocabulary After 

you read this section, explain 

the difference between a theory 

and a scientific law. 

Connecting to Your World |n 1928 Alexander F,eming a 

Scottish scientist, noticed that a bacteria he was studying did not grow 

in the presence of a yellow-green mold. Other scientists had made the 

same observation, but Fleming was the first to 

recognize its importance. He assumed that 

the mold had released a chemical that pre¬ 

vented the growth of the bacteria.That 

chemical was penicillin, which can kill a 

wide range of harmful bacteria. In 1945, 

Fleming shared a Nobel Prize for Medicine 

with Howard Florey and Ernst Chain, who 

led the team that isolated penicillin. In this 

section you will study the methods scientists 

use to solve problems. 

Alchemy 
The word chemistry comes from alchemy. Long before there were chemists, 

alchemists were studying matter. Alchemy arose independently in many 

regions of the world. It was practiced in China and India as early as 400 B.C. 

In the eighth century, Arabs brought alchemy to Spain, from where it 

spread quickly to other parts of Europe. 

Alchemy had a practical side and a mystical side. Practical alchemy 

focused on developing techniques for working with metals, glass, and dyes. 

Mystical alchemy focused on concepts like perfection. Because gold was 

seen as the perfect metal, alchemists were searching for a way to change 

other metals, such as lead, into gold. Although alchemists did not succeed 

in this quest, the work they did spurred the development of chemistry. 

Alchemists developed the tools and techniques for working with 

chemicals. Alchemists developed processes for separating mixtures and 

purifying chemicals. They designed equipment that is still used today, 

including beakers, flasks, tongs, funnels, and the mortar and pestle in 

Figure 1.15. What they did not do was provide a logical set of explanations 

for the changes in matter that they observed. That task was left for chemists 

to accomplish. 

Figure 1.15 A bowl-shaped mortar and a 
club-shaped pestle are used to grind or 
crush materials such as herbs, spices, and 

paint pigments. The mortar and pestle in 
the photograph are made of porcelain, 
which is a hard material. 

20 Chapter 1 



An Experimental Approach to Science 
By the 1500s in Europe, there was a shift from alchemy to science. Science 

flourished in Britain in the 1600s, partly because King Charles II was a 

supporter of the sciences. With his permission, some scientists formed 

the Royal Society of London for the Promotion of Natural Knowledge. The 

scientists met to discuss scientific topics and conduct experiments. The 

society’s aim was to encourage scientists to base their conclusions about 

the natural world on experimental evidence, not on philosophical debates. 

In France, Antoine-Laurent Lavoisier did work in the late 1700s 

that would revolutionize the science of chemistry. Lavoisier helped 

to transform chemistry from a science of observation to the science of 

measurement that it is today. To make careful measurements, Lavoisier 

designed a balance that could measure mass to the nearest 0.0005 gram. 

One of the many things Lavoisier accomplished was to settle a long¬ 

standing debate about how materials burn. The accepted explanation was 

that materials burn because they contain phlogiston, which is released into 

the air as a material burns. To support this explanation, scientists had to 

ignore the evidence that metals can gain mass as they burn. By the time 

Lavoisier did his experiments, he knew that there were two main gases in 

air—oxygen and nitrogen. Lavoisier was able to show that oxygen is 

required for a material to burn. Lavoisier’s wife Marie Anne, shown in 

Figure 1.16, helped with his scientific work. She made drawings of his exper¬ 

iments and translated scientific papers from English. Figure 1.17 shows a 

reconstruction of Lavoisier’s laboratory in a museum in Paris, France. 

At the time of the French Revolution, Lavoisier was a member of the 

despised royal taxation commission. He took the position to finance his 

scientific work. Although he was dedicated to improving the lives of the 

common people, his association with taxation made him a target of the 

revolution. In 1794 he was arrested, tried, and beheaded. 

(^Checkpoint) What long-standing debate did Lavoisier help settle? 

Figure 1.16 This portrait of 

Antoine Lavoisier and his wife 

Marie Anne was painted by 
Jacques Louis David in 1788. 

The painting includes some 

equipment that Lavoisier used 

in his experiments. 

mmimn 

4* 
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Figure 1.17 This reconstruction 

of Lavoisier's laboratory is in a 

museum in Paris, France. 

Interpreting Photographs 
What objects do you recognize 
that are similar to objects that 
you use in the laboratory? 
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Figure 1.18 Observation is an 
essential step in the scientific 

method. 

Word Origins 
Experiment contains the 

Latin root peri, meaning "to 

try or test." The words expert 

and experience contain the 

same root. How could 

experiments provide the 

experience for someone to 

become an expert? 

The Scientific Method 
A Nobel Prize winner in science once said that science is about “ordinary 

people doing ordinary things.” Scientists have a powerful tool that they can 

use to produce valuable, sometimes spectacular, results. Like all scientists, 

the biochemist shown in Figure 1.18 is using the scientific method to solve 

difficult problems. The scientific method is a logical, systematic approach 

to the solution of a scientific problem. Steps in the scientific method 

include making observations, testing hypotheses, and developing theories. 

Figure 1.19 shows how these steps fit together. 

Making Observations The scientific method is useful for solving many 

kinds of problems because it is closely related to ordinary common sense. 

Suppose you try to turn on a flashlight and you notice that it does not 

light. When you use your senses to obtain information, you make an 

observation. An observation can lead to a question: What’s wrong with 

the flashlight? 

Testing Hypotheses If you guess that the batteries are dead, you are 

making a hypothesis. A hypothesis is a proposed explanation for an obser¬ 

vation. You can test your hypothesis by putting new batteries in the flash¬ 

light. If the flashlight lights, you can be fairly certain that your hypothesis is 

true. What if the flashlight does not work after you replace the batteries? A 

hypothesis is useful only if it accounts for what is actually observed. When 

experimental data does not fit a hypothesis, the hypothesis must be 

changed. A new hypothesis might be that the light bulb is burnt out. You 

can replace the bulb to test this hypothesis. 

Replacing the bulb is an experiment, a procedure that is used to test a 

hypothesis. When you design experiments, you deal with variables, or fac¬ 

tors that can change. The variable that you change during an experiment is 

the manipulated variable, or independent variable. The variable that is 

observed during the experiment is the responding variable, or dependent 

variable. If you keep other factors that can affect the experiment from 

changing during the experiment, you can relate any change in the respond¬ 

ing variable to changes in the manipulated variable. 

For the results of an experiment to be accepted, the experiment must 

produce the same result no matter how many times it is repeated, or by 

whom. This is why scientists are expected to publish a description of their 

procedures along with their results. 

A hypothesis may 
be revised based on 
experimental data. 

Figure 1.19 The steps in the 
scientific method do not have to 
occur in the order shown. 
Comparing and Contrasting 
How are a hypothesis and a theory 
similar? How are they different? 

Scientific Law 

Summarizes the results 
of many observations 
and experiments. 

A theory is tested by 
more experiments and 
modified if necessary. 
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Quick LAB 

• /jflT 

Bubbles! 

Purpose 
To test the hypothesis that 

bubble making can be 

affected by adding sugar or 

salt to a bubble-blowing 

mixture. 

Materials 
• 3 plastic drinking cups 

• liquid dish detergent 

• measuring cup and 
spoons 

• water 

• table sugar 

• table salt 

• drinking straw 

Procedure f^J ffil 
1. Label three drinking cups 1,2, and 3. 

Measure and add one teaspoon of 

liquid dish detergent to each cup. Use 

the measuring cup to add two thirds 

of a cup of water to each drinking 

cup.Then swirl the cups to form a 

clear mixture. CAUTION Wipe up any 

spills immediately so that no one will slip 

and fall. 

2. Add a half teaspoon of table sugar to 

cup 2 and a half teaspoon of table salt 

to cup 3. Swirl each cup for one minute. 

3. Dip the drinking straw into cup 1, 

remove it, and blow gently into the 

straw to make the largest bubble you 

can. Practice making bubbles until you 

feel you have reasonable control over 

your bubble production. 

Analyze and Conclude 
1. Did you observe any differences in 

your ability to produce bubbles using 

the mixtures in cup 1 and cup 2? 

2. Did you observe any differences in 

your ability to produce bubbles using 

the mixtures in cup 1 and cup 3? 

3. What can you conclude about the 

effects of table sugar and table salt on 

your ability to produce bubbles? 

4. Repeat Step 3 with the mixtures in 

cups 2 and 3. 

■a» 

4. Propose another hypothesis related 

to bubble making and design an 

experiment to test your hypothesis. 

J 

Developing Theories Once a hypothesis meets the test of repeated 

experimentation, it may be raised to a higher level of ideas. It may become 

a theory. A theory is a well-tested explanation for a broad set' of observa¬ 

tions. In chemistry, one theory addresses the fundamental structure of 

matter. This theory is very useful because it helps you form mental pictures 

of objects that you cannot see. Other theories allow you to predict the 

behavior of matter. 

When scientists say that a theory can never be proved, they are not say¬ 

ing that a theory is unreliable. They are simply leaving open the possibility 

that a theory may need to be changed at some point in the future to explain 

new observations or experimental results. 

Scientific Laws Figure 1.19 shows how scientific experiments can lead to 

laws as well as theories. A scientific law is a concise statement that summa¬ 

rizes the results of many observations and experiments. In Chapter 14, you 

will study laws that describe how gases behave. One law describes the rela¬ 

tionship between the volume of a gas in a container and its temperature. If 

all other variables are kept constant, the volume of the gas increases as the 

temperature increases. The law doesn’t try to explain the relationship it 

describes. That explanation requires a theory. 

(^Checkpoint) When can a hypothesis become a theory? 

C Go ^Inline 
-m*1lNKS 

For: Links on Scientific 
Methods 

Visit: www.SciLinks.org 
Web Code: cdn-1012 
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Figure 1.20 For a volleyball 

team to win, the players must 

collaborate, or work together. 

Collaboration and Communication 
No matter how talented the players on a team, one player cannot ensure 

victory for the team. Individuals must collaborate, or work together, for the 

good of the team. Think about the volleyball players in Figure 1.20. In vol¬ 

leyball, the person who spikes the ball depends on the person who sets the 

ball. Unless the ball is set properly, the spiker will have limited success. 

Many sports recognize the importance of collaboration by keeping track of 

assists. During a volleyball game, the players also communicate with one 

another so it is clear who is going to do which task. Strategies that are 

successful in sports can work in other fields, such as science. When 

scientists collaborate and communicate, they increase the likelihood of a 

successful outcome. 

Collaboration Scientists choose to collaborate for different reasons. For 

example, some research problems are so complex that no one person could 

have all the knowledge, skills, and resources to solve the problem. It is often 

necessary to bring together individuals from different disciplines. Each sci¬ 

entist will typically bring different knowledge and, perhaps, a different 

approach to bear on a problem. Just talking with a scientist from another 

discipline may provide insights that are helpful. 

There may be a practical reason for collaboration. For example, an 

industry may give a university funding for pure research in an area of inter¬ 

est to the industry. Scientists at the university get the equipment and the 

time required to do research. In exchange, the scientists provide ideas and 

expertise. The industry may profit from its investment by marketing appli ¬ 

cations based on the research. 

Collaboration isn’t always a smooth process. Conflicts can arise about 

use of resources, amount of work, who is to receive credit, and when and 

what to publish. Like the students in Figure 1.21, you will likely work on a 

team in the laboratory. If so, you may face some challenges. But you can 

also experience the benefits of a successful collaboration. 

Figure 1.21 Working in a group 
can be challenging, but it can 
also be rewarding. 

Applying Concepts What 
steps in the scientific method 
are these students using? 
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Communication The way that scientists communicate with 

each other and with the public has changed over the centuries. In 

earlier centuries, scientists exchanged ideas through letters. They 

also formed societies to discuss the latest work of their members. 

When societies began to publish journals, scientists could use the 

journals to keep up with new discoveries. 

Today, many scientists, like those in Figure 1.22, work as a 

team. They can communicate face to face. They also can exchange 

ideas with other scientists by e-mail, by phone, and at interna¬ 

tional conferences. Scientists still publish their results in scientific 

journals, which are the most reliable source of information about 

new discoveries. Articles are published only after being reviewed 

by experts in the author’s field. Reviewers may find errors in exper¬ 

imental design or challenge the author’s conclusions. This review 

process is good for science because work that is not well founded 

is usually not published. 

The Internet is a major source of information. One advantage 

of the Internet is that anyone can get access to its information. One 

disadvantage is that anyone can post information on the Internet 

without first having that information reviewed. To judge the 

reliability of information you find on the Internet, you have to con¬ 

sider the source. This same advice applies to articles in news¬ 

papers and magazines or the news you receive from television. If a 

media outlet has a reporter who specializes in science, chances are 

better that a report will be accurate. 

Figure 1.22 Communication 

between scientists can occur face 

to face. These chemists are using 

the model projected on the 
screen to discuss the merits of 

a new medicine. 

1.3 Section Assessment 

16. Key Concept What did alchemists contribute 

to the development of chemistry? 

17. Key Concept How did Lavoisier revolutionize 

the science of chemistry? 

18. Key Concept Name three steps in the 

scientific method. 

19. Key Concept Explain why collaboration and 

communication are important in science. 

20. How did Lavoisier’s wife help him to communi¬ 

cate the results of his experiments? 

21. Why should a hypothesis be developed before 

experiments take place? 

22. Why is it important for scientists to publish a 

description of their procedures along with the 

results of their experiments? 

23. What is the difference between a theory and 

a hypothesis? 

24. What process takes place before an article is 

published in a scientific journal? 

25. In Chapter 2, you will learn that matter 

is neither created nor destroyed in any 

chemical change. Is this statement a theory 

or a law? Explain your answer. 

Connecting Concepts 

Being an Informed Citizen Write a paragraph 

explaining how you can learn about the research 
that is done by scientists.Then explain how this 

information could help you be an informed citizen. 

Textbook 
Assessment 1.3 Test yourself 
on the concepts in Section 1.3. 

i_with ChemASAP 
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Laboratory Safety 

Purpose 
To demonstrate your knowledge of safe laboratory practices. 

Procedure 
While doing the chemistry experiments in this textbook, you 

will work with equipment similar to the equipment shown in 

the photographs.Your success, and your safety, will depend 

on following instructions and using safe laboratory practices. 

To test your knowledge of these practices, answer the ques¬ 

tion after each safety symbol. Refer to the safety rules in 

Appendix D and any instructions provided by your teacher. 
When should safety 

goggles be worn? 

• \ If you accidentally spill 

water near electrical 

equipment, what 

should you do? 

111 

What precautions should 

you take when working 

near an open flame? 

What should you do 

if glassware breaks? 
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After you clean up your 

work area, what should 

you do before leaving 

the laboratory? 

Is it always appropriate 

jjb} to dispose of chemicals to dispose of chemicals 

by flushing them down 
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Problem Solving in Chemistry 

Guide for Reading 

Key Concepts 
• What is a general approach to 

solving a problem? 
• What are the three steps for 

solving numeric problems? 

• What are the two steps for 

solving conceptual problems? 

Reading Strategy 
Identifying Main Idea/Details 
Under the heading Solving 

Numeric Problems, there are three 

main ideas presented as subheads. 

As you read, list two details that 

support each main idea. 

Connecting to Your World shape sorter toys fascinate 

young children.Typically, the children try placing a shape in different 

holes until they find the right one.They may try to 

place an incorrect shape in the same hole over 

and over again. An older child has enough 

experience to place the correct shape in 

each hole on the first try.The trial-and-error 

approach used by young children is one 

method of problem solving, but it is 

usually not the best one. In this section, 

you will learn effective ways to solve 

problems in chemistry. 

Skills Used in Solving Problems 
Problem solving is a skill you use all the time. You are in a supermarket. Do 

you buy a name brand or the store brand of peanut butter? Do you buy the 

1-liter bottle or the 2-liter bottle of a carbonated beverage? Do you choose 

the express line if there are five customers ahead of you or the non-express 

line with a single shopper who has lots of items? 

When you solve a problem you may have a data table, a graph, or 

another type of visual to refer to. The shopper in Figure 1.23 is reading the 

label on a can while tiying to decide whether to buy the item. She may need 

to avoid certain ingredients because of a food allergy. Or she may want to 

know the amount of Calories per serving. 

The skills you use to solve a word problem in chemistry are not that dif¬ 

ferent from those you use while shopping or cooking or planning a party. 

O Effective problem solving always involves developing a plan and 

then implementing that plan. 

Figure 1.23 A shopper must 
make many decisions. Some of 

those decisions are based on 
data, like the information on a 
food label. 
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Solving Numeric Problems 
Because measurement is such an important part of chemistry, most word 

problems in chemistry require some math. The techniques used in this 

book to solve numeric problems are conveniently organized into a three- 

step, problem-solving approach. This approach has been shown to be very 

helpful and effective. So we recommend that you follow this approach 

when working on numeric problems in this textbook. The steps for 

solving a numeric word problem are analyze, calculate, and evaluate. 

Figure 1.24 summarizes the three-step process and Sample Problem 1.1 

shows how the steps work in a problem. 

Analyze To solve a word problem, you must first determine where 

you are starting from (identify what is known) and where you are going 

(identify the unknown). What is known may be a measurement. Or it may 

be an equation that shows a relationship between measurements. If you 

expect the answer (the unknown) to be a number, you need to determine 

what units the answer should have before you do any calculations. 

After you identify the known and the unknown, you need to make a 

plan for getting from the known to the unknown. Planning is at the heart of 

successful problem solving. As part of planning, you might draw a diagram 

that helps you visualize a relationship between the known and the 

unknown. You might need to use a table or graph to identify data or to 

identify a relationship between a known quantity and the unknown. You 

may need to select an equation that you can use to calculate the unknown. 

Calculate If you make an effective plan, doing the calculations is 

usually the easiest part of the process. For some problems, you will have to 

convert a measurement from one unit to another. Or you may need to rear¬ 

range an equation before you can solve for an unknown. However, you will 

be taught these math skills as needed. There will also be reminders 

throughout the textbook to use the Math Handbook in Appendix C. 

Evaluate After you calculate an answer, you should evaluate it. Is the 

answer reasonable? Does it make sense? If not, reread the word problem. 

Did you copy the data correctly? Did you choose the right equations? 

It helps to round off the numbers and make an estimate of the answer. If 

the answer is much larger or much smaller than your estimate, check your 

calculations. 
Check that your answer has the correct unit and the correct numbei of 

significant figures. You may need to use scientific notation in youi answei. 

You will study significant figures and scientific notation in Chapter 3. 

(Vfcheckpoiiit) How can making an estimate help you evaluate an answer? 

Calculate Evaluate 

Figure 1.24 This flowchart 

summarizes the steps for 

solving a numeric problem. 
Predicting In which step do 
you make a plan for getting 
from what is known to what 
is unknown? 
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Sp Analyze List the knowns and the unknown. 

Knowns 

• distance to be traveled = 8 blocks 

•walking speed = 1 mile/20 minutes 

• 1 mile = 10 blocks 

Unknown 

• time of trip = ? minutes 

This problem is an example of what is typically called a conversion 

problem. In a conversion problem, one unit of measure (in this case, 

blocks) must be expressed in a different unit (in this case, minutes). 

Divide the distance to be traveled (in blocks) by the number of blocks 

in one mile to get the distance of the trip in miles. Then multiply the 

number of miles by the time it takes to walk one mile. 

Calculate Solve for the unknown 

8 blocks x 

0.8 mho x 

1 mile 
10 blocks 

20 minutes 
1 mile 

= 0.8 mile 

= 16 minutes 

fkj| Evaluate Does the result make sense? 

The answer seems reasonable, 16 minutes to walk 8 short blocks. The 

answer has the correct unit. The relationships used are correct. 

^ Textbook 

Problem-Solving 1,27 

Solve Problem 2.7 with the help 

of an interactive guided tutorial. 

--with ChemASAP 

Practice Problems 

26. Using the information in the 

sample problem, how many 

short blocks can be walked 

in 48 minutes? 

27. There is an ice cream shop 

6 blocks north of your hotel. 

How many minutes will it 

take to walk there and back? 

This view of Indianapolis, 
Indiana, shows part of the 

historic central canal in White 
River State Park. 

Estimating Walking Time 

You are visiting Indianapolis for the first time. Because it is a nice day, 

you decide to walk from the Indiana State Capital to the Murat Centre 

for an afternoon performance. According to the map in Figure 1.25, the 

shortest route from the capital to the theater is 8 blocks. How many 

minutes will the trip take if you can walk one mile in 20 minutes? 

Assume that 10 short city blocks equals one mile. 
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Figure 1.25 Refer to this map of 
Indianapolis, Indiana, while you 
do Sample Problem 1.1. 

Interpreting Diagrams 
In the section of downtown 

bounded by north, east, south, 

and west streets, the main 

streets and avenues are named 

for states. What are the five 
exceptions to this pattern? 

Solving Conceptual Problems 
Not every word problem in chemistry requires calculations. Some prob¬ 

lems ask you to apply the concepts you are studying to a new situation. 

In this text, these nonnumeric problems are labeled conceptual problems. 

To solve a conceptual problem, you still need to identify what is known 

and what is unknown. Most importantly, you still need to make a plan for 

getting from the known to the unknown. But if your answer is not a num¬ 

ber, you do not need to check the units, make an estimate, or check your 

calculations. 

The three-step problem-solving approach is modified for conceptual 

problems. The steps for solving a conceptual problem are analyze and 

solve. Figure 1.26 summarizes the process, and Conceptual Problem 1.1 on 

the next page shows how the steps work in an actual problem. 

O O 
Figure 1.26 This flowchart 

shows the two steps used for 
solving a conceptual problem. 
Comparing and Contrasting 
With a conceptual problem, why 
is the second step called Solve 
rather than Calculate? 
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n CONCEPTUAL PROBLEM 1.1 I_- 

Running Errands 

Manny has to run 6 errands between 10 and 5 on 

Saturday. He must get a haircut, wash his car, buy 

stamps, rent a video, return a library book, and buy 

some groceries. Assume that each errand will take 

30 minutes and that Manny will do only one errand 

per hour. Manny will stop for a lunch break between 

12 and 1. Use the information in the drawing to figure 

out a way for Manny to accomplish all 6 tasks. 

LIB 
10:00 arn^ 
to 3:00 pm 

to 11:00 am 

/ 

post 
0«ic. 

10:00 am 

to 1:00 pm 
"“CERy 

7:00 am 

to midnight 

^ Analyze Identify the relevant concepts. 

Each place that Manny needs to visit is open 

for a limited number of hours on Saturday. 

Manny must do his errands between 10 and 

12, and between 1 and 5. At a rate of one 

errand per hour, Manny must do 2 errands 

before lunch and 4 errands after lunch. 

Solve Apply concepts to this situation. 

The post office and library are open only in the 

morning. The barbershop and the car wash 

close earlier than the video store. The super¬ 

market is open late. One possible order for the 

errands is post office, library, barbershop, car 

wash, video store, and supermarket. 

Practice Problems 

28. Describe two alternative orders in which 

Manny could complete his errands. 

29. What if Manny had 7 errands instead of 6? 

What would he need to do to adjust for the 

extra errand? 

Textbook 

Problem-Solving 1.29 
Solve Problem 29 with the help 

of an interactive guided tutorial. 

with ChemASAP 

1.4 Section Assessment 

30. Key Concept What are the two general steps 

in successful problem solving? 

31. Key Concept List the three steps for solving 

numeric problems. 

32. Key Concept List the two steps for solving 

conceptual problems. 

33. Read the conversion problem and then answer the 

questions. “There are 3600 seconds in an hour. 

How many seconds are there in one day?” 

a. Identify the known and the unknown. 

b. What relationship between the known and 

unknown do you need to solve the problem? 

c. Calculate the answer to the problem. 

d. Evaluate your answer and explain why your 

answer makes sense. 

Writing Activity 

Compare and Contrast Paragraph Write a para¬ 

graph comparing the processes for solving numeric 

problems and conceptual problems. How are the 

processes similar? In what way are they different? 

^^Textbook 

Assessment 1.4 Test yourself 

on the concepts in Section 1.4. 

.-with ChemASAP 
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CHAPTER 

1 Study Guide 

Key Concepts 

1.1 Chemistry 

• Because living and nonliving things are 
made of matter, chemistry affects all aspects 
of life and most natural events. 

• Chemistry can be divided into five traditional 
areas of study: organic chemistry, inorganic 
chemistry, biochemistry, analytical 
chemistry, and physical chemistry. 

• Pure research can lead directly to an appli¬ 
cation, but an application can exist before 
research is done to explain how it works. 

• Chemistry can be useful in explaining 
the natural world, preparing people for 
career opportunities, and producing 
informed citizens. 

(^ 1.2 Chemistry Far and Wide 

• Chemists design materials to fit specific 
needs. Chemists play an essential role in 
finding ways to conserve energy, produce 
energy, and store energy. 

• Chemists supply the medicines, materials, 
and technology that doctors use to treat 
patients. Chemists help to develop more 
productive crops and safer, more effective 
ways to protect crops. 

Vocabulary 

• analytical chemistry (p. 8) 

• applied chemistry (p. 9) 

• biochemistry (p. 8) 

• biotechnology (p. 14) 

• chemistry (p. 7) 

• experiment (p. 22) 

• Chemists help to identify pollutants and 
prevent pollution. 

• To study the universe, chemists gather data 
from afar and analyze matter that is brought 
back to Earth. 

1.3 Thinking Like a Scientist 

• Alchemists developed tools and techniques 
for working with chemicals. 

• Lavoisier helped to transform chemistry 
from a science of observation to the science 
of measurement that it is today. 

• Steps in the scientific method include 
making observations, testing hypotheses, 
and developing theories. 

• When scientists collaborate and commu¬ 
nicate, they increase the likelihood of a 
successful outcome. 

1.4 Problem Solving in Chemistry 

• Effective problem solving always involves 
developing a plan and then implementing 
the plan. 

• The steps for solving a numeric word prob¬ 
lem are analyze, calculate, and evaluate. The 
steps for solving a conceptual problem are 
analyze and solve. 

• physical chemistry (p. 8) 

• pollutant (p. 16) 

• pure chemistry (p. 9) 

• responding variable (p. 22) 

• scientific law (p. 23) 

• scientific method (p. 22) 

• technology (p. 9) 

• theory (p. 23) 

hypothesis (p. 22) 

inorganic chemistry (p. 8) 

macroscopic (p. 12) 

matter (p. 7) 

microscopic (p. 12) 

manipulated variable (p. 22) 

observation (p. 22) 

organic chemistry (p. 8) 

Organizing Information 

Use these terms to construct a 

concept map that organizes the 

major ideas of this chapter. 

9 

r ^feteractive 
Textbook 

Concept Map 1 Solve the 

Concept Map with the help of 

an interactive guided tutorial. 

>_with ChemASAP 
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A CHAPTER 

Assessment 

Reviewing Content 

1.1 Chemistry 

34. Explain why air is classified as matter. 

35. The Japanese characters for chemistry literally 

mean “change study.” Why are these appropriate 

characters to represent chemistry? 

36. Describe the main difference between inorganic 

chemistry and organic chemistry. 

37. Was Wallace Carothers doing pure chemistry or 

applied chemistry when he discovered nylon? 

Explain your answer. 

38. Explain how chemists were able to connect the 

ability of aspirin to relieve pain to its ability to 

reduce the risk of a heart attack. 

39. Why would a firefighter or a reporter need to 

understand chemistry? 

1.2 Chemistry Far and Wide 

40. George de Mestral used burrs as a model for 

his hook-and-loop tapes. Using burrs as an 

example, explain the difference between 

a macroscopic and a microscopic view 

of matter. 

41. How does the use of insulation help to 

conserve energy? 

42. What is the overall goal of scientists who work 

with biotechnology? 

43. Describe two ways that biotechnology can be 

used to treat diseases. 

44. How can testing soil help to increase the 

productivity of farmland? 

45. What is a pollutant? 

46. Why is it important that young children not be 

exposed to lead-based paint? 

47. How can scientists study the composition of 

distant stars? 

1.3 Thinking Like a Scientist 

48. What did the scientists who founded the Royal 

Society of London share with Lavoisier? 

49. What is the most powerful tool that any scientist 

can have? 

50. What is the purpose of an experiment? 

51. Which of the following is not a part of the 

scientific method? 

a. hypothesis b. experiment 

c. guess d. theory 

52. How do a manipulated variable and a 

responding variable differ? 

53. You perform an experiment and get unexpected 

results. According to the scientific method, what 

should you do next? 

54. Explain how the results of many experiments can 

lead to both a scientific law and a theory. 

55. List two genera] reasons why scientists are likely 

to collaborate. 

1.4 Problem Solving in Chemistry 

56. Identify the statements that correctly describe 

good problem solvers. 

a. Read a problem only once. 

b. Check their work. 

c. Look up missing facts. 

d. Look for relationships among the data. 

57. What do effective problem-solving strategies 

have in common? 

58. In which step of the three-step problem-solving 

approach for numeric problems is a problem¬ 

solving strategy developed? 

59. On the average, a baseball team wins two out of 

every three games it plays. How many games will 

this team lose in a 162-game season? 

60. If your heart beats at an average rate of 72 times 

per minute, how many times will your heart beat 

in an hour? In a day? 

61. How many days would it take you to count a 

million pennies if you could count one penny 

each second? 
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Understanding Concepts 

62. Match each area of chemistry with a numbered 

statement. 

a. physical chemistry b. organic chemistry 

c. analytical chemistry d. inorganic chemistry 

e. biochemistry 

(1) Measure the level of lead in blood. 

(2) Study non-carbon-based chemicals in rocks. 

(3) Investigate changes that occur as food is 

digested in the stomach. 

(4) Study carbon-based chemicals in coal. 

(5) Explain the energy transfer that occurs when 

ice melts. 

63. Explain why chemistry might be useful in a 

career you are thinking of pursuing. 

Use this photograph of a javelin thrower to answer 

Questions 64 and 65. 

64. Explain how chemistry has affected the ability 

of this athlete to compete. 

65. What type of chemist might study how an 

athlete uses energy during a competition? 

Give a reason for your answer. 

66. A doctor examines a patient’s sore throat and 

suggests that the patient has strep throat. She 

takes a sample to test for the bacteria that cause 

strep throat. What parts of the scientific method 

is the doctor applying? 

67. You perform an experiment and find that the 

results do not agree with an accepted theory. 

Should you conclude that you made an error 

in your procedure? Explain. 

68. A student is planning a science fair project 

called Does Temperature Affect How High a 

Basketball Can Bounce? 

a. Based on the project title, identify the 

manipulated variable and the responding 

variable. 

b. Name at least two factors that would need to 

be kept constant during the experiment. 

69. Describe a situation in which you used at 

least two steps in the scientific method to 

solve a problem. 

70. Pure water freezes at 0°C. A student wanted to 

test the effect of adding salt to the water. The 

table shows the data that was collected. 

Effect of Salt on Freezing Point of Water 

Salt Added Freezing Point 

5g —4.8°C 

10 g — 9.7°C 

15 g -15.1°C 

20 g — 15.0°C 

a. What was the manipulated variable? 

b. What was the responding variable? 

c. Why must the volume of water be the same 

for each test? 

d. Based on the data, the student hypothesized, 

“As more salt is added to water, the tempera¬ 

ture of the water decreases.” Is this hypothesis 

supported by the data? Explain. 

71. In the time a person on a bicycle travels 4 miles, 

a person in a car travels 30 miles. Assuming a 

constant speed, how far will the car travel while 

the bicycle travels 40 miles? 
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Assessment continued 

Critical Thinking 

72 

73 

74. 

Compare and contrast the study of chemistry 

with the study of a language. 

Comment on the idea that science accepts what 

works and rejects what does not work. 

You are asked to design an experiment to answer 

the question: “Which paper towel is the best?” 

a. What is the manipulated variable in your 

experiment? 

b. List three possible responding variables that 

could be used to define “best”? 

c. Pick one of the responding variables and 

rewrite the question as a hypothesis. 

d. List at least five factors that must be kept 

constant when you test the hypothesis. 

75. Important discoveries in science are sometimes 

the result of an accident. Louis Pasteur said, 

“Chance favors the prepared mind.” Explain 

how both of these statements can be true. 

76. Four beakers have a total weight of 2.0 lb. Each 

beaker when full holds 0.5 lb of water. Describe 

two different methods you could use to calculate 

the weight of two full beakers of water. Then try 

both methods and compare the answers. 

77. Explain what is wrong with the statement, 

“Theories are proven by experiments.” 

78. The air you breathe is composed of about 20% 

oxygen and 80% nitrogen. Use your problem 

solving skills to decide which drawing best rep¬ 

resents a sample of air. Explain your choice. 

c. 

Oxygen Nitrogen 
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Concept Challenge 

79. You find a sealed box with strings protruding 

from three holes, as shown in the diagram. When 

you tug string A, it becomes longer and string C 

becomes shorter. When you tug string B, it 

becomes longer, but strings A and C are not 

affected. Make a diagram showing the arrange¬ 

ment of the strings inside the box. 

80. A certain ball when dropped from any height, 

bounces one-half the original height. If the ball 

was dropped from a height of 60 in. and allowed 

to bounce freely, what is the total distance the 

ball has traveled when it hits the ground for the 

third time? Assume the ball bounces straight up 

and down. 

81. Eggs are shipped from the farm to market by 

truck. They are packed 12 eggs to a carton and 

20 cartons to a box. Four boxes are placed in 

each crate. Crates are stacked on a truck 5 crates 

wide, 6 crates deep, and 5 crates high. How many 

eggs are on a truck? 

82. An oil tanker containing 4,000,000 barrels is 

emptied at the rate of 5000 gallons per minute. 

What information do you need to figure out how 

long it would take to empty the tanker? 

83. A crate of envelopes sells for $576.00. A package 

of envelopes contains 250 envelopes. Six pack¬ 

ages are packed inside a carton. Twelve cartons 

are packed in a box. Eight boxes are packed in 

a crate. 

a. What does a package of envelopes cost? 

b. What fact given in the problem was not 

needed to calculate the answer? 



Standardized Test Prep 

Test-Taking Tip 

True-False Questions When the word because is 

placed between two statements that may or may 

not be true, you need to decide two things. First, 

are the statements both true, are they both false, 

or is one statement true and the other false. If 

both statements are true, you must then decide 

if the second statement is a correct explanation 

for the first statement. 

Select the choice that best answers each question or 

completes each statement. 

1. The branch of chemistry that studies chemicals 

containing carbon is _chemistry. 

a. physical b. inorganic 

c. analytical d. organic 

2. An analytical chemist is most likely to 

a. explain why paint is stirred before it is used. 

b. explain what keeps paint attached to the steel 

frame of an automobile. 

c. identify the type of paint chips found at the 

scene of a hit-and-run accident. 

d. investigate the effect of leaded paint on the 

development of a young child. 

3. Chemists who work in the biotechnology held 

are most likely to work with 

a. X-ray technicians. 

b. geologists. 

c. physicians. 

d. physicists. 

Respond to each statement in Questions 4-6. 

4. Someone who wears contact lenses does not 

have to wear safety goggles in the lab. 

5. Eating food that is left over from an experiment 

is an alternative to discarding the food. 

6. For a student who has read the procedure, the 

teacher’s pre-lab instructions are unnecessary. 

Use the flowchart to answer Question 7. 

O 
Analyze 

o e 
Calculate Evaluate ) 

7. What should you do before you calculate an 

answer to a numeric problem and what should 

you do after you calculate the answer? 

Use this paragraph to answer Questions 8-10. 

(1) On a cold morning, your car does not start. 

(2) You say, “Oh no! The battery is dead!”. (3) Your 

friend who works on cars uses a battery tester and 

finds that the battery has a full charge. (4) Your 

friend notices a lot of corrosion on the battery termi¬ 

nals. (5) Your friend says, “Maybe corrosion is caus¬ 

ing a bad connection in the electrical circuit, 

preventing the car from starting.” (6) Your friend 

cleans the terminals and the car starts. 

8. Which statements are observations? 

9. Which statements are hypotheses? 

10. Which statement describes an experiment? 

For each question there are two statements. Decide whether each statement is true 

or false. Then decide whether Statement II is a correct explanation for Statement I. 

Statement I Statement II 

11. A hypothesis may be rejected after an 

experiment. 

12. The supply of fossil fuels is limited. 

13. Theories help you make mental models of 

objects that cannot be seen. 

14. Ideally, chemicals used to attack insect 

pests should be nonspecific. 

15. All Internet sites that provide scientific 

information are equally reliable. 

BECAUSE Experiments are used to test hypotheses. 

BECAUSE 

BECAUSE 

BECAUSE 

BECAUSE 

Scientists are always looking for new 

sources of energy. 

Theories summarize the results of many 

observations and experiments. 

Scientists are looking for safer, more effective 

ways to protect crops. 

All information on these sites is reviewed by 

qualified scientists. 
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CHAPTER 

As this Indonesian 
potter shapes a pot, she 
causes a physical 

5. Stir the contents of each container for at least 

45 seconds. Rinse the rod with water between 

stirrings. Record what you observe. 

Think About It 

1. Can you use the appearance of the four solids to 

distinguish them? Explain your answer. 

2. Which solid could you distinguish from the other 

three after Step 4 of the procedure? How could 

you distinguish this solid? 

3. Can you distinguish completely among the 

remaining three solids based on the results of 

Step 5? Explain your answer. 

4. Make a list of properties, such as color, that can be 

used to describe materials. 

Classifying Matter 
Materials 

4 clear containers, 4 small cups, tape or self-adhesive 

labels, pen, half-cup measure, water, half-teaspoon 

measures, sugar, baking powder,flour, baking soda, 

stirring rod, clock or watch 

1 SI Procedure (j 

1. Label the clear containers and the small cups 

Sugar, Baking powder, Flour, and Baking soda. 

2. Use the small cups to collect half a teaspoon 

of each solid. Be sure to use the half-teaspoon 

measure that is assigned to each solid. 

3. Add half a cup of water to each clear container. 

4. Without stirring, add each solid to its corres¬ 

ponding container. Observe and record any 

change that occurs after the solids are added. 



2.1 Properties of Matter L 

Connecting to Your World T. . 
9 The more than 1200 species 

of bamboo belong to a family of grasses that includes wheat and corn. 

In tropical regions, bamboo plants grow rapidly to great heights. 

The tender shoots of some bamboo plants are a 

favorite food of pandas. People use the 

woody stems of mature plants to make 

furniture, fishing rods, and flooring. 

Because bamboo is inexpensive and 

abundant, disposable chopsticks are 

usually made from bamboo. Bamboo has 

properties that make it a good choice for 

use in chopsticks. It has no noticeable odor 

or taste. It is hard, yet easy to split, and it is 

heat resistant. In this section,you will learn how 

properties can be used to classify and identify matter. 

Guide for Reading 

Key Concepts 
• How can properties used to 

describe matter be classified? 

• Why do all samples of a 

substance have the same 

intensive properties? 

• What are three states of matter? 

• How can physical changes be 

classified? 

Describing Matter 
Understanding matter begins with observation and what you observe 

when you look at a particular sample of matter is its properties. Is a solid 

shiny or dull? Does a liquid flow quickly or slowly? Is a gas odorless or does 

it have a smell? Properties used to describe matter can be classified as 

extensive or intensive. 

Extensive Properties Recall that matter is anything that has mass and 

takes up space. The mass of an object is a measure of the amount of matter 

the object contains. The mass of a bowling ball with finger holes is five or 

six times greater than the mass of the bowling ball shown in Figure 2.1, 

which is used to play a game called candlepins. There is also a difference in 

the volume of the balls. The volume of an object is a measure of the space 

occupied by the object. Mass and volume are examples of extensive prop¬ 

erties. An extensive property is a property that depends on the amount of 

matter in a sample. 

Vocabulary 
mass 

volume 

extensive property 

intensive property 

substance 

physical property 

solid 

liquid 

gas 

vapor 

physical change 

Reading Strategy 
Using Prior Knowledge Before 

you read, write a definition for the 

term liquid. After you read this 

section, compare and contrast 

the definition of liquid in the text 

with your original definition. 

Intensive Properties There are properties to consider when selecting a 

bowling ball other than mass. Beginning bowlers want a bowling ball that is 

likely to maintain a straight path. They use bowling balls with a hard sur¬ 

face made from polyester. Experienced bowlers want a bowling ball they 

can curve, or hook, toward the pins. Often, they use a polyurethane ball, 

which has a softer surface. Hardness is an example of an intensive property. 

An intensive property is a property that depends on the type of matter in a 

sample, not the amount of matter. 

Figure 2.1 This bowling ball and candlepin are 

used in a game played mainly in New England. 
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Figure 2.2 This gold falcon 

standard from Egypt is about 

3000 years old. The copper 

kettles are about 150 years old. 

Analyzing Data Which of the 
properties listed in Table 2.1 
could not be used to distinguish 
copper from gold? 

identifying Substances 
Each object in Figure 2.2 has a different chemical makeup, or composition. 

The sculpture of a falcon is mainly gold. The kettles are mainly copper. 

Matter that has a uniform and definite composition is called a substance. 

Gold and copper are examples of substances, which are also referred to as 

pure substances. (T^ Every sample of a given substance has identical 

intensive properties because every sample has the same composition. 

Gold and copper have some properties in common, but there are dif¬ 

ferences besides their distinctive colors. Pure copper can scratch the sur¬ 

face of pure gold because copper is harder than gold. Copper is better than 

gold as a conductor of heat or electric current. Both gold and copper are 

malleable, which means they can be hammered into sheets without break¬ 

ing. But gold is more malleable than copper. Hardness, color, conductivity, 

and malleability are examples of physical properties. A physical property is 

a quality or condition of a substance that can be observed or measured 

without changing the substance’s composition. 

Table 2.1 lists physical properties for some substances. The states of 

the substances are given at room temperature. (Although scientists use 

room temperature to refer to a range of temperatures, in this book it will be 

used to refer to a specific temperature, 20°C.) Physical properties can help 

chemists identify substances. For example, a colorless substance that was 

found to boil at 100°C and melt at 0°C would likely be water. A colorless 

substance that boiled at 78°C and melted at -117°C would most certainly 

not be water. Based on Table 2.1, it would likely be ethanol. 

Which is a better conductor of electric current—gold or copper? 

INKS 

For: Links on Physical 

Properties of Matter 

Visit: www.SciLinks.org 

Web Code: cdn-1021 

Table 2.1 

Physical Properties of Some Substances 

Substance State Color 

Melting 

point (°C) 

Boiling 

point (°C) 

Neon gas colorless -249 -246 

Oxygen gas colorless -218 -183 

Chlorine gas greenish-yellow -101 -34 

Ethanol liquid colorless -117 78 

Mercury liquid silvery-white -39 357 

Bromine liquid reddish-brown -7 59 

Water liquid colorless 0 100 

Sulfur solid yellow 115 445 

Sodium chloride solid white 801 1413 

Gold solid yellow 1064 2856 

|Copper solid reddish-yellow 1084 2562 
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States of Matter 
Depending on the circumstances, you use three different words to refer to 

water—water, ice, and steam. Water, which is a common substance, exists 

in three different physical states. So can most other substances. Three 

states of matter are solid, liquid, and gas. Certain characteristics that can 

distinguish these three states of matter are summarized in Figure 2.3. 

Solids A solid is a form of matter that has a definite shape and volume. 

The shape of a solid doesn’t depend on the shape of its container. The 

particles in a solid are packed tightly together, often in an orderly arrange¬ 

ment, as shown in Figure 2.3a. As a result, solids are almost incompressible; 

that is, it is difficult to squeeze a solid into a smaller volume. In addition, 

solids expand only slightly when heated. 

Liquids Look at Figure 2.3b. The particles in a liquid are in close contact 

with one another, but the arrangement of particles in a liquid is not rigid or 

orderly. Because the particles in a liquid are free to flow from one location 

to another, a liquid takes the shape of the container in which it is placed. 

However, the volume of the liquid doesn’t change as its shape changes. The 

volume of a liquid is fixed or constant. Thus, a liquid is a form of matter that 

has an indefinite shape, flows, yet has a fixed volume. Liquids are almost 

incompressible, but they tend to expand slightly when heated. 

Textbook 
Animation 1 Relate the states 

of matter to the arrangements 

of their particles. 

___with ChemASAP 

Solid 
Definite shape 
Definite volume 

Not easily compressed 

Liquid 
Indefinite shape 
Definite volume 

Not easily compressed 

Gas 
Indefinite shape 
Indefinite volume 
Easily compressed 

Figure 2.3 The arrangement of particles is different in solids, 

liquids, and gases. © In a solid, the particles are packed closely 

together in a rigid arrangement. © In a liquid, the particles are 

close together, but they are free to flow past one another. © In 

a gas, the particles are relatively far apart and can move freely. 

Relating Cause and Effect Use the arrangements of their particles 

to explain the general shape and volume of solids and gases. 
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Figure 2.4 The silvery substance 

in the photograph is gallium, 

which has a melting point of 30°C. 

Inferring What can you infer 

about the temperature of the 
hand holding the gallium? 

Gases Like a liquid, a gas takes the shape of its container. But unlike a liq¬ 

uid, a gas can expand to fill any volume. A gas is a form of matter that takes 

both the shape and volume of its container. Look back at Figure 2.3c. As 

shown in the model, the particles in a gas are usually much farther apart 

than the particles in a liquid. Because of the space between particles, gases 

are easily compressed into a smaller volume. 

The words vapor and gas are sometimes used interchangeably. But 

there is a difference. The term gas is used for substances, like oxygen, that 

exist in the gaseous state at room temperature. (Gaseous is the adjective 

form of gas.) Vapor describes the gaseous state of a substance that is gener¬ 

ally a liquid or solid at room temperature, as in water vapor. 

(^Checkpoint) When should the term vapor be used instead of gas? 

Physical Changes 
The melting point of gallium metal is 30°C. Figure 2.4 shows how heat from 

a person’s hand can melt a sample of gallium. The shape of the sample 

changes during melting as the liquid begins to flow, but the composition of 

the sample does not change. Melting is an example of a physical change. 

During a physical change, some properties of a material change, but the 

composition of the material does not change. 

Words such as boil, freeze, melt, and condense are used to describe 

physical changes. So are words such as break, split, grind, cut, and crush. 

However, there is a difference between these two sets of words. Each set 

describes a different type of physical change. <T^ Physical changes can be 

classified as reversible or irreversible. Melting is an example of a reversible 

physical change. If a sample of liquid gallium is cooled below its melting 

point, the liquid will become a solid. All physical changes that involve a 

change from one state to another are reversible. Cutting hair, filing nails, 

and cracking an egg are examples of irreversible physical changes. 

2.1 Section Assessment 

1. Key Concept Name two categories used to 

classify properties of matter. 

2. Key Concept Explain why all samples of a given 

substance have the same intensive properties. 

3. Key Concept Name three states of matter. 

4. O Key Concept Describe the two categories 

used to classify physical changes. 

5. Which property in Table 2.1 can most easily distin¬ 

guish sodium chloride from the other solids? 

6. In what way are liquids and gases alike? In what 

way are liquids and solids different? 

7. Is the freezing of mercury a reversible or irrevers¬ 

ible physical change? Explain your answer. 

8. Explain why samples of gold and copper can 

have the same extensive properties, but not the 

same intensive properties. 

Handbook 

Read about the metal indium on page R16.What is 

the melting point of indium? Which other metal has 

a similar melting point—gallium or gold? Provide 

data to support your answer. 

e> 

r ^feteractive 
^Textbook 

Assessment 2.1 Test yourself 

on the concepts in Section 2.1. 

>_with ChemASAP 
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Hanging by a Thread 

Strands in a spider web are about one tenth the diameter 

of a human hair.Yet a golden orb spider web can withstand 

the impact of a insect, or even a small bird,flying at high 

speed because the silk in the web's frame and spokes is 

stronger than steel, more elastic than nylon, and tougher 

than rubber. Scientists are always looking for lightweight 

materials with these properties, but they cannot set up 

farms to harvest spider silk because a spider will fight to 

defend its territory. Instead, scientists use biotechnology 

to produce spider silk. Interpreting Diagrams Whereare 

the silk glands located in a spider? 

Silk glands 

Spider anatomy A spider releases its silk 

through spinnerets at the tip of its abdomen. 

Inside each spinneret are tens or hundreds of 
spigots. Silk travels from a silk gland through 

a duct to a spigot. As the silk is released from 

a spigot, it changes from a liquid to a solid. 

Heart 

Female Golden Orb Spider 

Nephila clavipes 
Body length: 24 mm to 40 mm 

Spider silk from goat's milk 

Scientists have identified the 
spider genes that contain the 

instructions for producing 
silk. When these genes are 

transferred to goats, the goats 

produce milk containing 

spider silk. Scientists separate 

the silk from the milk, purify it, 

and spin it into fibers. 

Spinnerets 

(magnification: 110,000X) 
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Guide for Reading 

Key Concepts 
• How can mixtures be classified? 

• How can mixtures be 

separated? 

Vocabulary 
mixture 

heterogeneous mixture 

homogeneous mixture 

solution 

phase 

filtration 

distillation 

Reading Strategy 
Building Vocabulary After you 

read this section, explain the dif¬ 

ference between homogeneous 

and heterogeneous mixtures. 

Figure 2.5 You can choose the 

amount of each item you select 

from a salad bar. So your salad is 

unlikely to have the same 

composition as other salads 

containing the same items. 

Connecting to Your World |n, 848 gold was discovered 
in California.This discovery led to a massive migration, or rush, of 

people to California. Panning is one way to 

separate gold from a mixture of gold and 

materials such as sand or gravel. A pan 

containing the mixture is placed under¬ 

water and shaken vigorously from left 

to right.This motion causes heavier 

materials, such as gold, to move to 

the bottom of the pan and lighter 

materials, such as sand, to move to the 

top where they can be swept away. In 

this section, you will learn how to classify 

and separate mixtures. 

Classifying Mixtures 
A salad bar, like the one in Figure 2.5, provides a range of items, such as 

cucumbers and hot peppers. Customers choose which items to use in their 

salads and how much of each item to use. So each salad has a different 

composition. A mixture is a physical blend of two or more components. 

Most samples of matter are mixtures. Some mixtures are easier to rec¬ 

ognize than others. You can easily recognize chicken noodle soup as a mix¬ 

ture of chicken, noodles, and broth. Recognizing air as a mixture of gases is 

more difficult. But the fact that air can be drier or more humid shows that 

the amount of one component of air—water vapor—can vary. Chicken 

noodle soup and air represent two different types of mixtures. Based 

on the distribution of their components, mixtures can be classified as 

heterogeneous mixtures or as homogeneous mixtures. 



Separating Mixtures 

Purpose 

To separate a mixture using 

paper chromatography. 

Materials 
• green marking pen 

• filter paper strip 

• metric ruler 

• clear plastic tape 

• pencil 

• rubbing alcohol 

• clear plastic drinking cup 

• clear plastic wrap 

Procedure Q Tvl f®‘>i 
1. Use the marking pen to draw a line 

across a strip of filter paper, as shown 

in the drawing.The line should be 

2 cm from one end of the strip. 

2. Tape the unmarked end of the filter 

paper to the center of a pencil so that 

the strip hangs down when the pencil 

is held horizontally. 

3. Working in a well-ventilated room, 

pour rubbing alcohol into a plastic 

cup to a depth of 1 cm. 

4. Rest the pencil on the rim of the cup 

so that the ink end of the strip touches 

the rubbing alcohol, but does not 

extend below its surface. Use plastic 

wrap to cover the top of the cup. 

Filter paper 

Ink line 

Alcohol 

Analyze and Conclude 

1. How did the appearance of the filter 

paper change during the procedure? 

2. What evidence is there that green ink 

is a mixture? 

3. How could you use this procedure 

to identify an unknown type of 

green ink? 

5. Observe the setup for 15 minutes. 

Heterogeneous Mixtures In chicken noodle soup, the ingredients are 

not evenly distributed throughout the mixture. There is likely to be more 

chicken in one spoonful than in another spoonful. A mixture in which the 

composition is not uniform throughout is a heterogeneous mixture. 

Homogeneous Mixtures The substances in the olive oil and vinegar in 

Figure 2.6 are evenly distributed throughout these mixtures. So olive oil 

doesn’t look like a mixture. The same is true for vinegar. Vinegar is a mixture 

of water and acetic acid, which dissolves in the water. Olive oil and vinegar 

are homogeneous mixtures. A homogeneous mixture is a mixture in which 

the composition is uniform throughout. Another name for a homogeneous 

mixture is a solution. Many solutions are liquids. But some are gases, like 

air, and some are solids, like stainless steel, which is a mixture of iron, chro¬ 

mium, and nickel. 

The term phase is used to describe any part of a sample with uniform 

composition and properties. By definition, a homogeneous mixture con¬ 

sists of a single phase. A heterogeneous mixture consists of two or more 

phases. When oil and vinegar are mixed, they form layers, or phases, as 

shown in Figure 2.6. The oil phase floats on the water phase. 

How many phases are there in a homogeneous mixture? 

Figure 2.6 Olive oil and vinegar are homogeneous 

mixtures. The substances in these mixtures are 

evenly distributed. When olive oil and vinegar are 

mixed, they form a heterogeneous mixture with 

two distinct phases. Oil & vinegar 

^fcheckpoint) 
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CONCEPTUAL PROBLEM 2.1 

Separating a Heterogeneous Mixture 

Sometimes plastic signs are used to mark trails used by hikers or 

vehicles. The sign in the photo is used to mark locations along a 

trail where an all terrain vehicle (ATV) is permitted. Aluminum 

nails are used to attach signs at eye level to trees or posts. How 

could a mixture of aluminum nails and iron nails be separated? 

J 

Analyze Identify the relevant concepts. 

List properties of aluminum and iron. 

Aluminum: 

• metal 

• gray color 

• doesn’t dissolve 

in water 

• not attracted 

to magnet 

Iron: 

• metal 

• gray color 

• doesn’t dissolve 

in water 

• attracted to magnet 

Solve Apply concepts to this situation. 

Identify a property that can be used to separate 

iron and aluminum objects. The ability to be 

attracted by a magnet is a property that iron and 

aluminum do not share. You could use a magnet 

to remove the iron nails from a mixture of iron 

and aluminum nails. 

Practice Problems 

9. What physical properties could be used to 

separate iron filings from table salt? 

10. Air is mainly a mixture of nitrogen and oxygen, 

with small amounts of other gases such as argon 

and carbon dioxide. What property could you 

use to separate the gases in air? 

Textbook 
Problem Solving 2.10 Solve 

Problem 10 with the help of an 

interactive guided tutorial. 

_with ChemASAP 

Separating Mixtures 
If you have a salad containing an ingredient you don’t like, you can use a 

fork to remove the pieces of the unwanted ingredient. Many mixtures are 

not as easy to separate. To separate a mixture of olive oil and vinegar, for 

example, you could decant, or pour off, the oil layer. Or you might cool 

the mixture until the oil turned solid. The first method takes advantage of 

the fact that oil floats on water. The second method takes advantage of a 

difference in the temperatures at which the olive oil and vinegar freeze. 

Differences in physical properties can be used to separate mixtures. 

Filtration The colander in Figure 2.7 can separate cooked pasta from 

the cooking water. The water passes through the holes in the colander, but the 

pasta does not. The holes, or pores, in a coffee filter are smaller than the 

holes in a colander to retain coffee grains. But the holes are not small 

enough to retain the particles in water. The process that separates a solid 

from the liquid in a heterogeneous mixture is called filtration. 
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Figure 2.7 A colander is used to separate 

pasta from the water in which it was cooked. 

This process is a type of filtration. 



Steam at 

100°C 

-Tap water 

(mixture) 

Cold water out 

/ 
Condenser 

Figure 2.8 A distillation can be 

used to remove impurities from 

water. As liquid water changes 

into water vapor, substances 

dissolved in the water are left 

behind in the distillation flask. 

Inferring What can you infer 
about the boiling points of 

substances dissolved in the 

impure water? 

Distillation Tap water is a homogeneous mixture of water and sub¬ 

stances that dissolved in the water. One way to separate water from the 

other components in tap water is through a process called distillation. Dur¬ 

ing a distillation, a liquid is boiled to produce a vapor that is then con¬ 

densed into a liquid. Figure 2.8 shows an apparatus that can be used to 

perform a small-scale distillation. 

As water in the distillation flask is heated, water vapor forms, rises in the 

flask, and passes into a glass tube in the condenser. The tube is surrounded 

by cold water, which cools the vapor to a temperature at which it turns back 

into a liquid. The liquid water is collected in a second flask. The solid sub¬ 

stances that were dissolved in the water remain in the distillation flask 

because their boiling points are much higher than the boiling point of water. 

2.2 Section Assessment 

11. <T^ Key Concept How are mixtures classified? 

12. Key Concept What type of properties can be 

used to separate mixtures? 

13. Explain the term phase as it relates to homoge¬ 

neous and heterogeneous mixtures. 

14. Classify each of the following as a homogeneous 

or heterogeneous mixture. 

a. food coloring 

b. ice cubes in liquid water 

c. mouthwash 

d. mashed, unpeeled potatoes 

15. How are a substance and a solution similar? How 

are they different? 

16. In general, when would you use filtration to sepa¬ 

rate a mixture? When would you use distillation to 

separate a mixture? 

17. Describe a procedure that could be used to 

separate a mixture of sand and table salt. 

Writing Activity 

Writing to Persuade Write a paragraph in support 

of this statement: Dry tea is a mixture, not a sub¬ 

stance. Include at least two pieces of evidence to 

support your argument. 

Textbook 

Assessment 2.2 Test yourself 

on the concepts in Section 2.2. 

>. - . i with ChemASAP 
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Elements and Compounds 

Guide for Reading 

Key Concepts 
• How are elements and 

compounds different? 

• How can substances and 

mixtures be distinguished? 

• What do chemists use to 

represent elements and 

compounds? 

Vocabulary 
element 

compound 

chemical change 

chemical symbol 

Reading Strategy 
Relating Text and Visuals As 
you read, look at Figure 2.10. 

Explain how this illustration helps 

you understand the relationship 

between different kinds of matter. 

Connecting to Your World Take two pounds of sugar two 
cups of boiling water, and one-quarter teaspoon of cream of tartar. 

You have the ingredients to make spun sugar. 

Add food coloring and you have the sticky, 

sweet concoction sold at baseball games 

and amusement parks as cotton candy. 

Sugar is a substance that contains three 

other substances—carbon, hydrogen, 

and oxygen. In this section, you will 

learn how substances are classified as 

elements or compounds. 

Distinguishing Elements and Compounds 
Substances can be classified as elements or compounds. An element is the 

simplest form of matter that has a unique set of properties. Oxygen and 

hydrogen are two of the more than iOO known elements. A compound is a 

substance that contains two or more elements chemically combined in a 

fixed proportion. For example, carbon, oxygen, and hydrogen are chemi¬ 

cally combined in the compound sucrose, the sugar in spun sugar. (Some¬ 

times sucrose is referred to as table sugar to distinguish it from other sugar 

compounds.) In every sample of sucrose there are twice as many hydrogen 

particles as oxygen particles. The proportion of hydrogen particles to 

oxygen particles in sucrose is fixed. There is a key difference between ele¬ 

ments and compounds. Compounds can be broken down into sim¬ 

pler substances by chemical means, but elements cannot. 

Breaking Down Compounds Physical methods that are used to sepa¬ 

rate mixtures cannot be used to break a compound into simpler substances. 

Boil liquid water and you get water vapor, not the oxygen and hydrogen that 

water contains. Dissolve a sugar cube in water and you still have sucrose, not 

oxygen, carbon, and hydrogen. This result does not mean that sucrose or 

water cannot be broken down into simpler substances. But the methods 

must involve a chemical change. A chemical change is a change that pro¬ 

duces matter with a different composition than the original matter. Heating 

is one of the processes used to break down compounds into simpler sub¬ 

stances. The layer of sugar in Figure 2.9 is heated in a skillet until it breaks 

down into solid carbon and water vapor. Can the substances that are 

produced also be broken down? 

Figure 2.9 When table sugar is heated, it 

goes through a series of chemical changes. 

The final products of these changes are 

solid carbon and water vapor. 
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There is no chemical process that will break down carbon into simpler 

substances because carbon is an element. Heating will not cause water to 

break down, but electricity will. When an electric current passes through 

water, oxygen gas and hydrogen gas are produced. The following diagram 

summarizes the overall process. 

Chemical change 

Sugar heat> Carbon + Water 
Compound Element Compound 

^ Chemical change 
/* ' ^N*~—■ ■ ■ ■ 1 | s 

Water electriclty> Hydrogen + Oxygen 
Compound Element Element 

Word Origins 
Compound comes from a 

Latin word componere, 

meaning "to put together." 

Elements are put together, 

or chemically combined, in 

compounds. What items 

are put together in a 

compound sentence? 

Properties of Compounds In general, the properties of compounds 

are quite different from those of their component elements. Sugar is a 

sweet-tasting, white solid, but carbon is a black, tasteless solid. Hydrogen is 

a gas that burns in the presence of oxygen—a colorless gas that supports 

burning. The product of this chemical change is water, a liquid that can 

stop materials from burning. Figure 2.10 shows samples of table salt 

(sodium chloride), sodium, and chlorine. When the elements sodium and 

chlorine combine chemically to form sodium chloride, there is a change in 

composition and a change in properties. Sodium is a soft, gray metal. Chlo¬ 

rine is a pale yellow-green poisonous gas. Sodium chloride is a white solid. 

(^Checkpoint) What process can be used to break down water? 

Chlorine is used to kill 

harmful organisms in 

swimming pools. 

Sodium is stored under 

oil to keep it from 

reacting with oxygen 

or water vapor in air. 

Sodium vapor produces 

the light in some 

street lamps. 

Figure 2.10 Compounds and 

the elements from which they 

form have different properties. 

Observing Based on the 

photographs, describe two 

physical properties of sodium 
and two of chlorine. 

Sodium chloride 
(commonly known as 

table salt) is used to 

season or preserve food. 



Distinguishing Substances and Mixtures 
Deciding whether a sample of matter is a substance or a mixture based 

solely on appearance can be difficult. After all, homogeneous mixtures and 

substances will both appear to contain only one kind of matter. Sometimes 

you can decide by considering whether there is more than one version of 

the material in question. For example, you can buy whole milk, low-fat 

milk, no-fat milk, light cream, and heavy cream. From this information, you 

can conclude that milk and cream are mixtures. You might infer that these 

mixtures differ in the amount of fat they contain. Most gas stations offer at 

least two blends of gasoline. The blends have different octane ratings and 

different costs per gallon, with premium blends costing more than regular 

blends. So gasoline must be a mixture. 

You can use their general characteristics to distinguish substances 

from mixtures. If the composition of a material is fixed, the material 

is a substance. If the composition of a material may vary, the material is 

a mixture. Figure 2.11 summarizes the general characteristics of elements, 

compounds, and mixtures. 

Figure 2.11 The flow chart 

summarizes the process for 

classifying matter. Any sample 

of matter is either an element, 

a compound, or a mixture. 

Interpreting Diagrams 
What is the key difference 

between a substance and 
a solution? 

Homogeneous 
mixture 
Uniform; also 
called a solution 

Heterogeneous 
mixture 
Nonuniform; 

distinct phases 

Stainless Steel Granite Silver Beryl 
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CONCEPTUAL PROBLEM 2.2 

Classifying Materials 

When the blue-green solid in the photograph is heated, a colorless 

gas and a black solid form. All three materials are substances. Is 

it possible to classify these substances as elements or compounds? 

i 
•VV ' 

' - . 

Analyze Identify the relevant concepts. 

List the known facts and relevant concepts. 

•A blue-green solid is heated. 

• A colorless gas and a black solid appear. 

•A compound can be broken down into simpler 

substances by a chemical change, but an 

element cannot. 

• Heating can cause a chemical change. 

Practice Problems 

18. Liquid A and Liquid B are clear liquids. They 

are placed in open containers and allowed to 

evaporate. When evaporation is complete, 

there is a white solid in container B, but no 

solid in container A. From these results, what 

can you infer about the two liquids? 

Solve Apply concepts to this situation. 

Determine if the substances are elements or 

compounds. Before heating, there was one sub¬ 

stance. After heating there were two substances. 

The blue-green solid must be a compound. 

Based on the information given, it isn’t possible 

to know if the colorless gas or black solid are 

elements or compounds. 

19. A clear liquid in an open container is allowed to 

evaporate. After three days, a solid is left in the 

container. Was the clear liquid an element, a 

compound, or a mixture? How do you know? 

Textbook 

Symbols and Formulas 
The common names water and table salt do not provide information about 

the chemical composition of these substances. Also, words are not ideal for 

showing what happens to the composition of matter during a chemical 

change. Chemists use chemical symbols to represent elements, and 

chemical formulas to represent compounds. 

Using symbols to represent different kinds of matter is not a new idea. 

Figure 2.12 shows some symbols that were used in earlier centuries. The 

symbols used today for elements are based on a system developed by a 

Swedish chemist, Jons Jacob Berzelius (1779-1848). He based his symbols 

on the Latin names of elements. Each element is represented by a one- or 

two-letter chemical symbol. The first letter of a chemical symbol is always 

capitalized. When a second letter is used, it is lowercase. 

Problem Solving 2.19 Solve 

Problem 19 with the help of an 

interactive guided tutorial. 

_with ChemASAP 

© 
• 
Carbon 

o © 
Gold Oxygen Zinc 

Dalton's Symbols 

•? 1 
Lead Salt Zinc 

+ 
.*>/. X 
Gravel Tin Clay 

Alchemy Symbols 

Figure 2.12 The symbols used 

to represent elements have 

changed overtime. Alchemists 

and the English chemist John 

Dalton (1766-1844) both 

used drawings to represent 

chemical elements. Today, 

elements are represented by 

one- or two-letter symbols. 
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Table 2.2 

Symbols and Latin Names for Some Elements 

Name Symbol Latin name 

Sodium Na natrium 

Potassium K kalium 

Antimony Sb stibium 

Copper Cu cuprum 

Gold Au aurum 

Silver Ag argentum 

Iron Fe ferrum 

Lead Pb plumbum 

Tin Sn stannum 

Go inline c 
SCl,NKS 

For: Links on Element 

Names 

Visit: www.SciLinks.org 

Web Code: cdn-1023 

If the English name and the Latin name of an element are similar, the 

symbol will appear to have been derived from the English name. Examples 

include Ca for calcium, N for nitrogen, and S for sulfur. Table 2.2 shows 

examples of elements where the symbols do not match the English names. 

Chemical symbols provide a shorthand way to write the chemical for¬ 

mulas of compounds. The symbols for hydrogen, oxygen, and carbon are 

H, O, and C. The formula for water is H20. The formula for sucrose, or table 

sugar, is C12H22On. Subscripts in chemical formulas are used to indicate the 

relative proportions of the elements in the compound. For example, the 

subscript 2 in H20 indicates that there are always two parts of hydrogen for 

each part of oxygen in water. Because a compound has a fixed composi¬ 

tion, the formula for a compound is always the same. 

2.3 Section Assessment 

20. Key Concept How is a compound different 

from an element? 

21. Key Concept How can you distinguish a 

substance from a mixture? 

22. Key Concept What are chemical symbols 

and chemical formulas used for? 

23. Name two methods that can be used to break 

down compounds into simpler substances. 

24. Classify each of these samples of matter as an 

element, a compound, or a mixture. 

a. table sugar b. tap water 

c. cough syrup d. nitrogen 

25. Write the chemical symbol for each element, 

a. lead b. oxygen 

c. silver d. sodium 

e. hydrogen f. aluminum 

26. Name the chemical elements represented by the 

following symbols. 

a. C b. Ca c. K d. Au e. Fe f. Cu 

27. What elements make up the pain reliever 

acetaminophen, chemical formula C8H902N? 

Which element is present in the greatest 

proportion by number of particles? 

Writing jJActivity 

Compare and Contrast Paragraph Compare and 

contrast elements and compounds. Compare them 

by saying how they are alike. Contrast them by 

describing how they are different. 

@ 

r ^^UCSlfSKg'GDW© 
^Textbook 

Assessment 2.3 Test yourself 

on the concepts in Section 2.3. 

._with ChemASAP 
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Chemical Reactions 

Connecting to Your World 
Iron is an element with many 

desirable properties. It is abundant, easy to shape when heated, 

and relatively strong, especially when mixed with carbon in steel. 

Iron has one main disadvantage. Over time, 

objects made of iron will rust if they are 

left exposed to air.The brittle layer of rust 

that forms on the surface of the object 

flakes off, exposing more iron to the air. 
In this section, you will learn to recognize 

chemical changes and to distinguish them 
from physical changes. 

Guide for Reading 

Key Concepts 
• What always happens during a 

chemical change? 
• What are four possible clues 

that a chemical change has 
taken place? 

• How are the mass of the 
reactants and the mass of the 
products of a chemical reaction 
related? 

Vocabulary 
chemical property 

chemical reaction 

Chemical Changes 
The compound formed when iron rusts is iron oxide (Fe203). Words such as 

burn, rot, rust, decompose, ferment, explode, and corrode usually signify a 

chemical change. The ability of a substance to undergo a specific chemical 

change is called a chemical property. Iron is able to combine with oxygen to 

form rust. So the ability to rust is a chemical property of iron. Chemical 

properties can be used to identify a substance. But chemical properties can 

be observed only when a substance undergoes a chemical change. 

Figure 2.13 compares a physical change and a chemical change that 

can occur in a mixture of iron and sulfur. When a magnet is used to sepa¬ 

rate iron from sulfur, the change is a physical change. The substances 

present before the change are the same substances present after the 

change, although they are no longer physically blended. Recall that during 

a physical change, the composition of matter never changes. During a 

chemical change, the composition of matter always changes. When the mix¬ 

ture of iron and sulfur is heated, a chemical change occurs. The sulfur and 

iron react and form iron sulfide (FeS). 

A chemical change is also called a chemical reaction. One or more sub¬ 

stances change into one or more new substances during a chemical reaction. 

A substance present at the start of the reaction is a reactant. A substance 

produced in the reaction is a product. In the reaction of iron and sulfur, 

iron and sulfur are reactants and iron sulfide is a product. 

reactant 

product 

precipitate 

law of conservation of mass 

Reading Strategy 
Predicting Before you read, 
predict what will happen to the 
mass of a sample of matter that 
burns. After you read, check the 
accuracy of your prediction and 
correct any misconceptions. 

o 

Figure 2.13 A mixture of iron filings and sulfur 

can be changed. © A magnet separates the iron 

from the sulfur. © Heat combines iron and sulfur 
in a compound. Classifying Which change is a 
chemical change? Explain. 
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For: Links on Chemical 
and Physical 
Changes 

Visit: www.SciLinks.org 
Web Code: cdn-1024 

Figure 2.14 Clues to chemical 
change often have practical 

applications. © Bubbles of 
carbon dioxide gas form when a 
geologist puts acid on a rock 

that contains compounds called 
carbonates. © When a test strip 
is dipped in urine, the color 

change is used to estimate the 
level of the sugar glucose in 
urine. © One step in the pro¬ 
duction of cheese is a reaction 

that causes milk to separate into 
solid curds and liquid whey. 

Recognizing Chemical Changes 
How can you tell whether a chemical change has taken place? There are 

four clues that can serve as a guide. Possible clues to chemical change 

include a transfer of energy, a change in color, the production of a gas, or 

the formation of a precipitate. 

Every chemical change involves a transfer of energy. For example, 

energy stored in natural gas is used to cook food. When the methane in nat¬ 

ural gas combines with oxygen in the air, energy is given off in the form of 

heat and light. Some of this energy is transferred to and absorbed by food 

that is cooking over a lit gas burner. The energy causes chemical changes to 

take place in the food. The food may brown as it cooks, which is another 

clue that chemical changes are occurring. 

You can observe two other clues to chemical change while cleaning a 

bathtub. The ring of soap scum that can form in a bathtub is an example of 

a precipitate. A precipitate is a solid that forms and settles out of a liquid 

mixture. Some bathroom cleaners that you can use to remove soap scum 

start to bubble when you spray them on the scum. The bubbles are a prod¬ 

uct of a chemical change that is taking place in the cleaner. 

If you observe a clue to chemical change, you cannot be certain that a 

chemical change has taken place. The clue may be the result of a physical 

change. For example, energy is always transferred when matter changes 

from one state to another. Bubbles form when you boil water or open a 

carbonated drink. The only way to be sure that a chemical change has 

occurred is to test the composition of a sample before and after the change. 

Figure 2.14 shows examples of practical situations in which different clues 

to chemical change are visible. 

(^Checkpoint) What energy transfer takes place when food cooks? 
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Figure 2.15 When the liquids in 
photograph A are mixed, they 

react. None of the products are 
gases. Analyzing Data How do 

you know that a reaction took 

place and that mass was con¬ 
served during the reaction? 

Conservation of Mass 
When wood burns, substances in the wood combine with oxygen from the 

air. As the wood burns, a sizable amount of matter is reduced to a small pile 

of ashes. The reaction seems to involve a reduction in the amount of mat¬ 

ter. But appearances can be deceiving. During any chemical reaction, 

the mass of the products is always equal to the mass of the reactants. Two 

of the products of burning wood—carbon dioxide gas and water vapor— 

are released into the air. When the mass of these gases is considered, the 

amount of matter is unchanged. Careful measurements show that the total 

mass of the reactants (wood and the oxygen consumed) equals the total 

mass of the products (carbon dioxide, water vapor, and ash). 

Mass also holds constant during physical changes. For example, when 

10 grams of ice melt, 10 grams of liquid water are produced. Similar obser¬ 

vations have been recorded for all chemical and physical changes studied. 

The scientific law that reflects these observations is the law of conservation 

of mass. The law of conservation of mass states that in any physical change 

or chemical reaction, mass is conserved. Mass is neither created nor 

destroyed. The conservation of mass is more easily observed when a 

change occurs in a closed container, as in Figure 2.15. 

2.4 Section Assessment 

28. Key Concept How does a chemical change 

affect the composition of matter? 

29. Key Concept Name four possible clues that 

a chemical change has taken place. 

30. Key Concept In a chemical reaction, how 

does the mass of the reactants compare with the 

mass of the products? 

31. What is the main difference between physical 

changes and chemical changes? 

32. Classify the following changes as physical or 

chemical changes. 

a. Water boils. b. Salt dissolves in water, 

c. Milk turns sour. d. A metal rusts. 

33. According to the law of conservation of mass, 

when is mass conserved? 

34. Hydrogen and oxygen react chemically to form 

water. How much water would form if 4.8 grams 

of hydrogen reacted with 38.4 grams of oxygen? 

Connecting Concepts 

The Scientific Method Lavoisier proposed the law 
of conservation of mass in 1789. Write a paragraph 
describing, in general, what Lavoisier must have 

done before he proposed this law. Use what you 
learned about the scientific method in Section 1.3. 

• 

^rextbook 

Assessment 2.4 Test yourself 
on the concepts in Section 2.4. 

_with ChemASAP 
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Small-Scale 
LAB 

1 + 2 + 3 = Black! 

Purpose 
To make macroscopic observations of chemical reactions 

and use them to solve problems. 

Materials 
• paper 

• metric ruler 

• reaction surface 

• materials shown in grid 

• pipette, medicine droppers, and spatulas 

Procedure !§ lH O S3 9i 
1. Draw two copies of the grid on separate sheets 

of paper. Make each square in the grid 2 cm on 

each side. 

2. Place a reaction surface over one of the grids. 

Use the second grid as a data table to record 

your observations. 

3. Use the column and row labels to determine which 

materials belong in each square. Depending on the 

material, add one drop, one piece, or a few grains. 

4. Stir each mixture by forcing air from an empty 

pipette as directed by your teacher. 

NaCIO H202 CuS04 

K! 

Kl + 

Starch 

Kl + 

Paper 

Kl + 

Cereal 

1 rOB 

ebb*1 C£ 
tijui 

1 

Analyze 
Using your experimental data, record the answers to the 

following questions below your data table. 

1. What color is a mixture of sodium hypochlorite (NaCIO) 

and potassium iodide (Kl)? 

2. What happens when you mix NaCIO, Kl, and starch? 

3. What do NaCIO, H202, and CuS04 have in common? 

4. What substance is found in both paper and cereal? 

How do you know? 

5. If you used NaCIO instead of CuS04 in reactions other 

than the reaction with Kl and starch, would you expect 

the results to always be identical? Explain your answer. 

You're The Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Design It! Design and carry out an experiment to see 

which foods contain starch. 

2. Design It! Read the label on a package of iodized salt. 

How much Kl does iodized salt contain? Design an 

experiment to demonstrate the presence of Kl in 

iodized salt and its absence in salt that is not iodized. 

3. Design It! Antacid tablets often contain starch as a 

binder to hold the ingredients in the tablet together. 

Design and carry out an experiment to explore various 

antacid tablets to see if they contain starch. 

4. Analyze It! NaCIO is a bleaching agent. Such agents 

are used to whiten clothes and remove stains. Use 

different color marker pens to draw several lines on a 

piece of white paper. Add one drop of NaCIO to each 

line. What happens?Try inventing a technique that you 

can use to make "bleach art." 

___/ 
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CHAPTER 

2 Study Guide 

Key Concepts 

2.1 Properties of Matter 

• Properties used to describe matter can be 
classified as extensive or intensive. 

• Every sample of a given substance has 
identical intensive properties because 
every sample has the same composition. 

• Three states of matter are solid, liquid, 
and gas. 

• Physical changes can be classified as 
reversible or irreversible. 

2.2 Mixtures 

• Mixtures can be classified as heterogeneous 
mixtures or as homogeneous mixtures, 
based on the distribution of their 
components. 

• Differences in physical properties can be 
used to separate mixtures. 

2.3 Elements and Compounds 

• Compounds can be broken down into 
simpler substances by chemical means, but 
elements cannot. 

• If the composition of a material is fixed, the 
material is a substance. If the composition 
may vary, the material is a mixture. 

• Chemists use chemical symbols to represent 
elements, and chemical formulas to 
represent compounds. 

2.4 Chemical Reactions 

• During a chemical change, the composition 
of matter always changes. 

• Four possible clues to chemical change 
include a transfer of energy, a change in 
color, the production of a gas, or the 
formation of a precipitate. 

• During any chemical reaction, the mass of 
the products is always equal to the mass of 
the reactants. 

Vocabulary 

• chemical change (p. 48) 

• chemical property (p. 53) 

• chemical reaction (p. 53) 

• chemical symbol (p. 51) 

• compound (p. 48) 

• distillation (p. 47) 

• element (p. 48) 

• extensive property (p. 39) 

• filtration (p. 46) 

gas (p. 42) 

heterogeneous mixture (p. 45) 

homogeneous mixture (p. 45) 

intensive property (p. 39) 

law of conservation 
of mass (p. 55) 

liquid (p. 41) 

mass (p. 39) 

mixture (p. 44) 

phase (p. 45) 

• physical change (p. 42) 

• physical property (p. 40) 

• precipitate (p. 54) 

• product (p. 53) 

• reactant (p. 53) 

• solid (p. 41) 

• solution (p. 45) 

• substance (p. 40) 

• vapor (p. 42) 

• volume (p. 39) 

Organizing Information 

Use these terms to construct a 
concept map that organizes the 
major ideas of this chapter. 

substance 

Textbook 

physical 
property 

Concept Map 2 Solve the 
Concept Map with the help of 
an interactive guided tutorial. 

_with ChemASAP 

chemical property 
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CHAPTER 

Assessment 

Reviewing Content 

2.1 Properties of Matter 

35. Describe the difference between an extensive 

property and an intensive property and give an 

example of each. 

36. List three physical properties of copper. 

37. Name two physical properties that could be 

used to distinguish between water and ethanol. 

38. Name one physical property that could not be 

used to distinguish chlorine from oxygen. 

39. What is the physical state of each of these 

materials at room temperature? 

a. gold b. gasoline 

c. neon d. olive oil 

e. oxygen f. mercury 

40. Fingernail-polish remover (mostly acetone) is a 

liquid at room temperature. Would you describe 

acetone in the gaseous state as a vapor or a gas? 

Explain your answer. 

41. Compare the arrangements of individual 

particles in solids, liquids, and gases. 

42. Use Table 2.1 to identify four substances that 

undergo a physical change if the temperature 

is reduced from 50°C to -50°C. What is the 

physical change that takes place in each case? 

43. Explain why sharpening a pencil is a different 

type of physical change than freezing water to 

make ice cubes. 

2.2 Mixtures 

44. What is the difference between homogeneous 

mixtures and heterogeneous mixtures? 

45. How many phases does a solution have? Explain 

your answer. 

46. Classify each of the following as homogeneous 

or heterogeneous mixtures. 

a. chocolate-chip ice cream 

b. green ink 

c. cake batter 

d. cooking oil 

47. What is the goal of a distillation? Describe briefly 

how this goal is accomplished. 

2.3 Elements and Compounds 

48. How could you distinguish an element from a 

compound? 

49. Describe the relationship between the three 

items in each of the following groups. Identify 

each item as an element, compound, or mixture. 

a. hydrogen, oxygen, and water 

b. nitrogen, oxygen, and air 

c. sodium, chlorine, and table salt 

d. carbon, water, and table sugar 

50. Name the elements found in each of the 

following compounds. 

a. ammonia (NH3) 

b. potassium oxide (K20) 

c. sucrose (C12H220n) 

d. calcium sulfide (CaS) 

51. Not all element names come from English or 

Latin words. The symbol for tungsten is W from 

the German word wolfram. The symbol for 

mercury is Hg from the Greek word hydragyrum. 

Use the symbols W and Hg to explain the system 

of symbols for elements. 

52. What does the formula H,0 tell you about the 

composition of water? 

2.4 Chemical Reactions 

53. Use the word equation to explain how a chemical 

change differs from a physical change. 

iron + sulfur - heat > iron sulfide 

54. Classify each of the following as a physical or 

chemical change. For any chemical change, list 

at least one clue to support your answer. 

a. A copper wire is bent. 

b. Charcoal burns in a grill. 

c. Bread dough rises when yeast is added. 

d. Sugar dissolves in water. 

55. Which type of property cannot be observed with¬ 

out changing the composition of a substance? 

56. When ammonium nitrate (NH4N03) explodes, 

the products are nitrogen, oxygen, and water. 

When 40 grams of ammonium nitrate explode, 

14 grams of nitrogen and 8 grams of oxygen 

form. How many grams of water form? 
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Understanding Concepts 

57. Explain why mass cannot be used as a property 

to identify a sample of matter. 

58. Is malleability an extensive property or an 

intensive property? Explain. 

59. The state of a substance can change when the 

substance is heated or cooled. So what does it 

mean to say that a certain substance is a solid, 

liquid, or gas? 

Use the data table to answer Questions 60-63. 

Melting Boiling 
Substance Color point (°C) point (°C) 

Bromine red-brown -7 59 

Chlorine green-yellow -101 -34 

Ethanol colorless -117 78 

Mercury silvery-white -39 357 

Neon colorless -249 -246 

Sulfur yellow 115 445 

Water colorless 0 100 

60. Which colorless substance is a liquid at -30°C? 

61. Which colorless substance is a gas at 60°C? 

62. Which substance is a solid at 7°C? 

63. As the temperature rises, which solid will melt 

before mercury boils? 

64. Use the arrangement of particles in solids and 

gases to explain why solids are not as easy to 

compress as gases. 

65. Imagine you are standing in a kitchen and then 

in the middle of a park. When you view your 

surroundings in each location do you see mostly 

elements, compounds, or mixtures? 

66. Identify each of the following items as a mixture 

or compound. Classify the mixtures as homoge¬ 

neous or heterogeneous. 

a. raw egg b. ice 

c. gasoline d. blood 

67. Classify the following properties of the element 

silicon as chemical or physical properties. 

a. blue-gray color 

b. brittle 

c. doesn’t dissolve in water 

d. melts at 1410°C 

e. reacts vigorously with fluorine 

68. How are the items in each of the following pairs 

similar ? How are they different? 

a. copper and silver 

b. distilled water and saltwater 

c. table sugar and table salt 

69. In photograph A, a coil of zinc metal is in a 

solution of sulfuric acid. In photograph B, a 

yellow solution of sodium chromate is being 

added to a colorless solution of silver nitrate. 

What clues in the photographs indicate that a 

chemical change is probably occurring? 

Describe clues you might observe during 

the following events that could support 

the conclusion that a chemical change 

is occurring. 

a. An antacid tablet is dropped into water. 

b. A ring of scum forms around a bathtub. 

c. Iron rusts. 

d. A firecracker explodes. 

Explain why the production of a gas does 

not always mean that a chemical reaction 

has occurred. 

The wax appears to disappear as a candle burns. 

How can the law of conservation of mass apply 

to this reaction? 
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Assessment continued 

Critical Thinking 

73. Discuss the statement “A gas requires a con¬ 

tainer but a solid is its own container.” 

74. Explain why this statement is false. "Because 

there is no change in composition during a 

physical change, the appearance of the sub¬ 

stance will not change.” 

75. Assume that water, mercury, and gallium are 

all at 40°C. As the temperature drops, which 

substance will freeze first? Which will be the 

last to freeze? 

76. Devise a way to separate sand from a mixture of 

charcoal, sand, sugar, and water. 

77. When powdered iron is left exposed to the air, it 

rusts. Explain why the mass of the rust is greater 

than the mass of the powdered iron. 

78. A change in odor can also be a clue that a 

chemical change has occurred. Describe at least 

one situation in which you might be likely to 

detect such a change in odor in a kitchen. 

79. The mass of the elements iron and oxygen in 

four samples of a rust-colored substance was 

measured in grams (g). The amount of iron and 

oxygen in each sample is shown on the graph. 

Mass of Elements in Samples 

Mass of oxygen (g) 

a. Do you think all four samples are the same 

compound? Explain. 

b. Another sample of similar material was found 

to contain 9.9 grams of iron and 3.4 grams of 

oxygen. Is this sample the same substance as 

the other four samples? Explain. 

Concept Challenge 

80. Five elements make up 98% of the mass of the 

human body. These elements are oxygen (61%), 

carbon (23%), hydrogen (10.0%), nitrogen 

(2.6%), and calcium (1.4%). Compare these data 

with those in the pie graph below, which shows 

the five most abundant elements by mass in 

Earth's crust, oceans, and atmosphere. 

Oxygen 

4.8% 3.4% 

a. Which elements are abundant both in the 

human body and Earth’s crust, oceans, and 

atmosphere? 

b. Which elements are abundant in Earth’s crust, 

oceans, and atmosphere, but not in the 

human body? 

c. Would you expect the compounds found in 

the human body to be the same as or different 

from those found in rocks, seawater, and air? 

Use the data to explain your answer. 

81. Use Table 2.1 on p. 40 to answer this question. 

a. Which substances in the table are in the liquid 

state at 125°C? 

b. Use the physical properties of one of these 

substances to explain how you figured out the 

answer to Question 81a. 

c. The substances in the table are listed in order 

of increasing melting point. Propose another 

way that these data could be arranged. 

82. Each day you encounter some chemical changes 

that are helpful and some that are harmful to 

humans or the environment. Cite three examples 

of each type. For each example, list the clues that 

identified the change as a chemical change. 
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Standardized Test Prep 

Test-Taking Tip 

Using Models To answer some test questions, 

you will be asked to use visual models. At first the 

models may look very similar. Decide which 

information will help you answer the question. 

The number of particles, their colors, or their 

shapes may or may not be important. 

Select the choice that best answers each question or 

completes each statement. 

1. Which of the following is not a chemical change? 

a. paper being shredded 

b. steel rusting 

c. charcoal burning 

d. a newspaper yellowing in the sun 

2. Which phrase best describes an apple? 

a. heterogeneous mixture 

b. homogeneous compound 

c. heterogeneous substance 

d. homogeneous mixture 

3. Which element is paired with the wrong symbol? 

a. sulfur, S b. potassium, P 

c. nitrogen, N d. calcium, Ca 

4. Which of these properties could not be used to 

distinguish between table salt and table sugar? 

a. boiling point b. melting point 

c. density d. color 

5. The state of matter characterized by a definite 

volume and an indefinite shape is a 

a. solid. b. liquid, 

c. mixture. d. gas. 

The lettered choices below refer to Questions 6-9. A 

lettered choice may be used once, more than once, 

or not at all. 

(A) compound 

(B) heterogeneous mixture 

(C) element 

(D) homogeneous mixture 

Which description correctly identifies each of the 

following materials? 

6. air 

7. carbon monoxide 

Use the atomic windows to answer Question 10. 

10. The species in window A react. Use the law 

of conservation of mass to determine which 

window best represents the reaction products. 

Use the data table to answer Questions 11-14. 

Mass of 
magnesium (g) 

Mass of 
oxygen (g) 

Mass of magnesium 
oxide (g) 

5.0 3.3 8.3 

6.5 (a) 10.8 

13.6 9.0 (b) 

(c) 12.5 31.5 

11. Magnesium metal burns vigorously in oxygen to 

produce the compound magnesium oxide. Use 

the law of conservation of mass to identify the 

masses labeled (a), (b), and (c) in the table. 

12. Use the data in the completed table to construct 

a graph with mass of magnesium on the x-axis 

and mass of magnesium oxide on the y-axis. 

13. How many grams of magnesium oxide form 

when 8.0 g of magnesium are burned? 

14. How many grams of magnesium and oxygen 

react to form 20.0 g of magnesium oxide? 

8. zinc 

9. mushroom pizza 
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Milliliters (mL) are a common metric 

unit of volume. 

Exploring Density 
Materials 

three beakers, a 250 mL graduated cylinder, a 

colorless and clear cylindrical container, shampoo, 

water, rubbing alcohol, red food coloring, a medicine 

dropper, a spoon or stirring rod, and small solid 

objects (such as a paper clip, plastic soda-bottle cap, 

aluminum nail, or piece of cork). 

Procedure iHOli 

1. Pour about 250 mL each of shampoo, water, and 

rubbing alcohol into separate beakers. 

2. Stir a drop of food coloring into the rubbing alco¬ 

hol and the shampoo. 

3. Carefully pour each liquid (in the following order: 

shampoo, water, rubbing alcohol) down the inside 

of the colorless cylindrical container to a depth of 

2.5 cm (about 1 in.). 

4. Record the positions of the three layers of liquids. 

5. Gently add each small solid object to the layered 

liquids and record its resting location. 

Think About It 

1. Propose an explanation for the order of layering of 

the liquids. 

2. Do you think it would make any difference if you 

added the liquids in a different order? Why or 

why not? 



3.1 Measurements and Their Uncertainty L 

Connecting to Your World „ , 
On January 4,2004, the Mars 

Exploration Rover Spirit landed on Mars. Equipped with five scientific 

instruments and a rock abrasion tool (shown at left), Spirit was sent to 

examine the Martian surface around Gusev Crater, 

a wide basin that may have once held a lake. 

Each day of its mission, Spirit recorded 

measurements for analysis.This data helped 

scientists learn about the geology and 

climate on Mars. All measurements 

have some uncertainty. In the chemistry 

laboratory, you must strive for accuracy and 

precision in your measurements. 

Using and Expressing Measurements 
Your height (67 inches), your weight (134 pounds), and the speed you drive on 

the highway (65 miles/hour) are some familiar examples of measurements. A 

measurement is a quantity that has both a number and a unit. Everyone 

makes and uses measurements. For instance, you decide how to dress in the 

morning based on the temperature outside. If you were baking cookies, you 

would measure the volumes of the ingredients as indicated in the recipe. 

Such everyday situations are similar to those faced by scientists. 

Measurements are fundamental to the experimental sciences. For that 

reason, it is important to be able to make measurements and to decide 

whether a measurement is correct. The units typically used in the sciences 

are those of the International System of Measurements (SI). 

In chemistry, you will often encounter very large or very small num¬ 

bers. A single gram of hydrogen, for example, contains approximately 

602,000,000,000,000,000,000,000 hydrogen atoms. The mass of an atom of 

gold is 0.000 000 000 000 000 000 000 327 gram. Writing and using such 

large and small numbers is very cumbersome. You can work more easily 

with these numbers by writing them in scientific, or exponential, notation. 

In scientific notation, a given number is written as the product of 

two numbers: a coefficient and 10 raised to a power. For example, the 

number 602,000,000,000,000,000,000,000 written in scientific notation is 

6.02 X 1023. The coefficient in this number is 6.02. In scientific notation, the 

coefficient is always a number equal to or greater than one and less than 

ten. The power of 10, or exponent, in this example is 23. Figure 3.1 illus¬ 

trates how to express the number of stars in a galaxy by using scientific 

notation. For more practice on writing numbers in scientific notation, refer 

to page R56 of Appendix C. 

Figure 3.1 Expressing very large numbers, such as the estimated 
number of stars in a galaxy, is easier if scientific notation is used. 

Guide for Reading 

Key Concepts 
• How do measurements relate 

to science? 
• How do you evaluate accuracy 

and precision? 
• Why must measurements be 

reported to the correct number 
of significant figures? 

• How does the precision of a 
calculated answer compare 
to the precision of the 
measurements used to 
obtain it? 

Vocabulary 

measurement 

scientific notation 

accuracy 

precision 

accepted value 

experimental value 

error 

percent error 

significant figures 

Reading Strategy 
Building Vocabulary As you 
read, write a definition of each 
vocabulary term in your own 
words. 

200,000,000,000. = 2 X 10 

Decimal Exponent is 11 
moves 
11 places 
to the left. 
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Figure 3.2 The distribution of 

darts illustrates the difference 
between accuracy and precision. 

© Good accuracy and good 
precision: The darts are close to 
the bull's-eye and to one 
another. © Poor accuracy and 
good precision: The darts are far 

from the bull's-eye but close to 
one another. © Poor accuracy 
and poor precision: The darts are 
far from the bull's-eye and from 
one another. 

Good accuracy 
Good precision 

Poor accuracy 
Good precision 

Poor accuracy 
Poor precision 

Accuracy, Precision, and Error 
Your success in the chemistry lab and in many of your daily activities 

depends on your ability to make reliable measurements. Ideally, measure¬ 

ments should be both correct and reproducible. 

Accuracy and Precision Correctness and reproducibility relate to the 

concepts of accuracy and precision, two words that mean the same thing to 

many people. In chemistry, however, their meanings are quite different. 

Accuracy is a measure of how close a measurement comes to the actual or 

true value of whatever is measured. Precision is a measure of how close a 

series of measurements are to one another. To evaluate the accuracy 

of a measurement, the measured value must be compared to the correct 

value. To evaluate the precision of a measurement, you must compare 

the values of two or more repeated measurements. 

Darts on a dartboard illustrate accuracy and precision in measure¬ 

ment. Let the bull’s-eye of the dartboard represent the true, or correct, 

value of what you are measuring. The closeness of a dart to the bull’s-eye 

corresponds to the degree of accuracy. The closer it comes to the bull’s- 

eye, the more accurately the dart was thrown. The closeness of several 

darts to one another corresponds to the degree of precision. The closer 

together the darts are, the greater the precision and the reproducibility. 

Look at Figure 3.2 as you consider the following outcomes. 

a. All of the darts land close to the bull’s-eye and to one another. Closeness 

to the bull’s-eye means that the degree of accuracy is great. Each dart in 

the bull’s-eye corresponds to an accurate measurement of a value. 

Closeness of the darts to one another indicates high precision. 

b. All of the darts land close to one another but far from the bull’s-eye. The 

precision is high because of the closeness of grouping and thus the high 

level of reproducibility. The results are inaccurate, however, because of 

the distance of the darts from the bull’s-eye. 

c. The darts land far from one another and from the bull’s-eye. The results 

are both inaccurate and imprecise. 

(^Checkpoint) How does accuracy differ from precision? 
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Determining Error Note that an individual measurement may be accu¬ 

rate or inaccurate. Suppose you use a thermometer to measure the boiling 

point of pure water at standard pressure. The thermometer reads 99.1°C. 

You probably know that the true or accepted value of the boiling point of 

pure water under these conditions is actually 100.0°C. There is a difference 

between the accepted value, which is the correct value based on reliable 

references, and the experimental value, the value measured in the lab. The 

difference between the experimental value and the accepted value is called 

the error. 

Word Origins 
Percent comes from the 

Latin words per, meaning 

"by" or "through," and 

centum, meaning "100." 

What do you think the 

phrase per annum 

means? 

Error = experimental value - accepted value 

Error can be positive or negative depending on whether the experimental 

value is greater than or less than the accepted value. 

For the boiling-point measurement, the error is 99.1°C - 100.0°C, or 

- 0.9° C. The magnitude of the error shows the amount by which the exper¬ 

imental value differs from the accepted value. Often, it is useful to calculate 

the relative error, or percent error. The percent error is the absolute value of 

the error divided by the accepted value, multiplied by 100%. 

I error I 
Percent error =-—i—j— X 100% 

accepted value 

Using the absolute value of the error means that the percent error will 

always be a positive value. For the boiling-point measurement, the percent 

error is calculated as follows. 

199.1°C - 100.0°C| 
Percent error =-ioo 0°C-X ^0% 

0.9°£ 
100.0°£ 

X 100% 

= 0.009 X 100% 

= 0.9% 

Just because a measuring device works doesn’t necessarily mean that it 

is accurate. As Figure 3.3 shows, a weighing scale that does not read zero 

when nothing is on it is bound to yield error. In order to weigh yourself 

accurately, you must first make sure that the scale is zeroed. 

Figure 3.3 The scale below has 

not been properly zeroed, so the 
reading obtained forthe person's 

weight is inaccurate. There is a 
difference between the person's 
correct weight and the measured 
value. Calculating What is the 

percent error of a measured 
value of 1141b if the person's 
actual weight is 107 lb? 
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Significant Figures in Measurements 
Supermarkets often provide scales like the one in Figure 3.4. Customers use 

these scales to measure the weight of produce that is priced per pound. If 

you use a scale that is calibrated in 0.1-lb intervals, you can easily read the 

scale to the nearest tenth of a pound. With such a scale, however, you can 

also estimate the weight to the nearest hundredth of a pound by noting the 

position of the pointer between calibration marks. 

Suppose you estimate a weight that lies between 2.4 lb and 2.5 lb to be 

2.46 lb. The number in this estimated measurement has three digits. The 

first two digits in the measurement (2 and 4) are known with certainty. But 

the rightmost digit (6) has been estimated and involves some uncertainty. 

These three reported digits all convey useful information, however, and are 

called significant figures. The significant figures in a measurement include 

all of the digits that are known, plus a last digit that is estimated. Mea¬ 

surements must always be reported to the correct number of significant fig¬ 

ures because calculated answers often depend on the number of significant 

figures in the values used in the calculation. 

Instruments differ in the number of significant figures that can be 

obtained from their use and thus in the precision of measurements. The 

three meter sticks in Figure 3.5 can be used to make successively more pre¬ 

cise measurements of the board. 

Figure 3.4 The precision of a 

weighing scale depends on 
how finely it is calibrated. 

Textbook 
Animation 2 See 
how the precision of a 
calculated result depends 
on the sensitivity of the 
measuring instruments. 

>---with ChemASAP 

Rules for determining whether a digit in a measured 

value is significant: 

1 Every nonzero digit in a reported measurement is assumed to be 

significant.The measurements 24.7 meters, 0.743 meter, and 714 meters 

each express a measure of length to three significant figures. 

2 Zeros appearing between nonzero digits are significant.The measure¬ 

ments 7003 meters, 40.79 meters, and 1.503 meters each have four 

significant figures. 

3 Leftmost zeros appearing in front of nonzero digits are not significant. 

They act as placeholders.The measurements 0.0071 meter, 0.42 meter, 

and 0.000 099 meter each have only two significant figures.The zeros 

to the left are not significant. By writing the measurements in scien¬ 

tific notation, you can eliminate such placeholding zeros: in this case, 

7.1 X 10^3 meter, 4.2 X 10_1 meter, and 9.9 X 10~5 meter. 

4 Zeros at the end of a number and to the right of a decimal point are 

always significant.The measurements 43.00 meters, 1.010 meters, and 

9.000 meters each have four significant figures. 
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Q Measured length = 0.6 m 

{*■ 

1m 

© Measured length = 0.61 m 

^ I T I I I 
10 20 30 40 50 60 70 80 90 1m 

Figure 3.5 Three differently 

calibrated meter sticks are 

used to measure the length 
of a board. 0 A meter stick 

calibrated in a 1-m interval. 
(?) A meter stick calibrated in 

0.1-m intervals. 0 A meter stick 
calibrated in 0.01-m intervals. 

Measuring How many signifi¬ 

cant figures are reported in each 

measurement? 

Q Measured length = 0.607 m 

5 Zeros at the rightmost end of a measurement that lie to the left of an 

understood decimal point are not significant if they serve as place¬ 

holders to show the magnitude of the number.The zeros in the 

measurements 300 meters, 7000 meters, and 27,210 meters are not 

significant.The numbers of significant figures in these values are one, 

one, and four, respectively. If such zeros were known measured values, 

however, then they would be significant. For example, if all of the 

zeros in the measurement 300 meters were significant, writing the 

value in scientific notation as 3.00 X 102 meters makes it clear that 

these zeros are significant. 

6 There are two situations in which numbers have an unlimited number 

of significant figures.The first involves counting. If you count 

23 people in your classroom, then there are exactly 23 people, and 

this value has an unlimited number of significant figures.The second 

situation involves exactly defined quantities such as those found 

within a system of measurement. When, for example, you write 

60 min = 1 hr, or 100 cm = 1 m, each of these numbers has an unlim¬ 

ited number of significant figures. As you shall soon see, exact quan¬ 

tities do not affect the process of rounding an answer to the correct 

number of significant figures. 
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CONCEPTUAL PROBLEM 3.1 

Counting Significant Figures in Measurements 
How many significant figures are in each measurement? 

a. 123 m b. 40,506 mm 

c. 9.80 00 X 104 m d. 22 meter sticks 

e. 0.070 80 m f. 98,000 m 

Solve Apply the concepts to this problem. 

All nonzero digits are significant (rule 1). Use 

rules 2 through 6 to determine if the zeros are 

significant. 

a. three (rule 1) b. five (rule 2) 

c. five (rule 4) d. unlimited (rule 6) 

e. four (rules 2, 3, 4) f. two (rule 5) 

Practice Problems 

1. Count the significant figures in each length 

a. 0.057 30 meters b. 8765 meters 

c. 0.000 73 meters d. 40.007 meters 

2. How many significant figures are in each 

measurement? 

a. 143 grams b. 0.074 meter 

c. 8.750 x 10“2gram d. 1.072 meter 

ife 
Textbook 

Problem-Solving 3.2 Solve 
Problem 2 with the help of an 
interactive guided tutorial. 

_with ChemASAP 

O Analyze Identify the relevant concepts. 

The location of each zero in the measurement 

and the location of the decimal point deter¬ 

mine which of the rules apply for determining 

significant figures. 

Significant Figures in Calculations 
Suppose you use a calculator to find the area of a floor that measures 

7.7 meters by 5.4 meters. The calculator would give an answer of 

41.58 square meters. The calculated area is expressed to four significant fig¬ 

ures. However, each of the measurements used in the calculation is 

expressed to only two significant figures. So the answer must also be 

reported to two significant figures (42 m2). OD In general, a calculated 

answer cannot be more precise than the least precise measurement from 

which it was calculated. The calculated value must be rounded to make it 

consistent with the measurements from which it was calculated. 

Rounding To round a number, you must first decide how many signifi¬ 

cant figures the answer should have. This decision depends on the given 

measurements and on the mathematical process used to arrive at the 

answer. Once you know the number of significant figures your answer 

should have, round to that many digits, counting from the left. If the digit 

immediately to the right of the last significant digit is less than 5, it is 

simply dropped and the value of the last significant digit stays the same. If 

the digit in question is 5 or greater, the value of the digit in the last signif¬ 

icant place is increased by 1. 

Why must a calculated answer generally be rounded? 
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Analyze Identify the relevant concepts. 

Round off each measurement to the number of significant figures 

indicated. Then apply the rules for expressing numbers in scientific 

notation. 

Rounding Measurements 

Round off each measurement to the number of significant figures 

shown in parentheses. Write the answers in scientific notation. 

a. 314.721 meters (four) 

b. 0.001 775 meter (two) 

c. 8792 meters (two) 

Solve Apply the concepts to this problem. 

Count from the left and apply the rule to the digit immediately to the 

right of the digit to which you are rounding. The arrow points to the 

digit immediately following the last significant digit, 

a. 314.721 meters 

Handbook 

For help with scientific 
notation, go to page R56. 

2 is less than 5, so you do not round up. 

314.7 meters = 3.147 x 102 meters 

b. 0.001 775 meter 

t 
7 is greater than 5, so round up. 

0.0018 meter = 1.8 X 10~3 meter 

c. 8792 meters 

t 
9 is greater than 5, so round up 

8800 meters = 8.8 x 103 meters 

Evaluate Do the results make sense? 

The rules for rounding and for writing numbers in scientific notation 

have been correctly applied. 

Practice Problems 
aBBaaHBOBaaHiaSgi&BSSgi 

iiiKiiiiiiiiiiiiiiiia 
S!S 

3. Round each measurement to 

three significant figures. Write 

your answers in scientific 

notation. 

a. 87.073 meters 

b. 4.3621 X 108 meters 

c. 0.01552 meter 

d. 9009 meters 

e. 1.7777 X 10"3 meter 

4. Round each measurement in 

Practice Problem 3 to one sig¬ 

nificant figure. Write each of 

your answers in scientific 

notation. 

f. 629.55 meters 

9 

Textbook 

Problem-Solving 3.3 Solve 
Problem 3 with the help of an 
interactive guided tutorial. 

_with ChemASAP 
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Handbook 

For help with significant 
figures, go to page R59. 

?ifm 

'Textbook 

Problem-Solving 3.6 Solve 
Problem 6 with the help of an 
interactive guided tutorial. 

.with ChemASAP 

Addition and Subtraction The answer to an addition or subtraction 

calculation should be rounded to the same number of decimal places (not 

digits) as the measurement with the least number of decimal places. Work 

through Sample Problem 3.2 below which provides an example of rounding 

in an addition calculation. 

SAMPLE PROBLEM 3.2 

Significant Figures in Addition 

Calculate the sum of the three measurements. Give the answer to the 

correct number of significant figures. 

12.52 meters + 349.0 meters + 8.24 meters 

Analyze Identify the relevant concepts. 

Calculate the sum and then analyze each measurement to determine 

the number of decimal places required in the answer. 

Solve Apply the concepts to this problem. 

Align the decimal points and add the numbers. Round the answer to 

match the measurement with the least number of decimal places. 

12.52 

349.0 

+ 8.24 

meters 

meters 

meters 

369.76 meters 

The second measurement (349.0 meters) has the least number of digits 

(one) to the right of the decimal point. Thus the answer must be 

rounded to one digit after the decimal point. The answer is rounded to 

369.8 meters, or 3.698 X 102 meters. 

Evaluate Does the result make sense? 

The mathematical operation has been correctly carried out and the 

resulting answer is reported to the correct number of decimal places. 

Practice Problems 

5. Perform each operation. 

Express your answers to the 

correct number of significant 

figures. 

a. 61.2 meters + 9.35 meters + 

8.6 meters 

b. 9.44 meters - 2.11 meters 

c. 1.36 meters + 10.17 meters 

d. 34.61 meters — 17.3 meters 

6. Find the total mass of three 

diamonds that have masses of 

14.2 grams, 8.73 grams, and 

0.912 gram. 
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Multiplication and Division in calculations involving multiplication, 

and division, you need to round the answer to the same number of signifi¬ 

cant figures as the measurement with the least number of significant fig¬ 

ures. The position of the decimal point has nothing to do with the rounding 

process when multiplying and dividing measurements. The position of the 

decimal point is important only in rounding the answers of addition or 

subtraction problems. 

(^Checkpoint) How many significant figures must you round an answer to 

when performing multiplication or division? 

SAMPLE PROBLEM 3.3 

Significant Figures in Multiplication and Division 

Perform the following operations. Give the answers to the correct 

number of significant figures. 

a. 7.55 meters X 0.34 meter 

b. 2.10 meters X 0.70 meter 

c. 2.4526 meters ^ 8.4 

U Analyze Identify the relevant concepts. 

Perform the required math operation and then analyze each of the 

original numbers to determine the correct number of significant 

figures required in the answer. 

Solve Apply the concepts to this problem. 

Round the answers to match the measurement with the least number 

of significant figures. 

a. 7.55 meters X 0.34 meter = 2.567 (meter)2 = 2.6 meters2 

(0.34 meter has two significant figures) 

b. 2.10 meters X 0.70 meter = 1.47 (meter)2 = 1.5 meters2 

(0.70 meter has two significant figures) 

c. 2.4526 meters h- 8.4 = 0.291 976 meter = 0.29 meter 

(8.4 has two significant figures) 
----- 

3 Evaluate Do the results make sense? 

The mathematical operations have been performed correctly, and the 

I resulting answers are reported to the correct number of places. 

Practice Problems 

7. Solve each problem. Give your 

answers to the correct num¬ 

ber of significant figures and 

in scientific notation. 

a. 8.3 meters X 2.22 meters 

b. 8432 meters h- 12.5 

8. Calculate the volume of a 

warehouse that has inside 

dimensions of 22.4 meters by 

11.3 meters by 5.2 meters. 

(Volume = lx wx h) 

$ c. 35.2 seconds ^ g0 seconds 

_ Handbook 

For help with using a 
calculator, go to page R62. 

Textbook 

Problem-Solving 3.8 Solve 
Problem 8 with the help of an 
interactive guided tutorial. 

with ChemASAP 
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Accuracy and Precision 

Purpose 
To measurethedimensions 

of an object as accurately 

and precisely as possible 

and to apply rules for round¬ 

ing answers calculated 

from the measurements. 

Procedure 
1. Use a metric ruler to measure in centi¬ 

meters the length and width of an 

index card as accurately and precisely 

as you can.The hundredths place 

in your measurement should be 

estimated. 

Materials 
• 3 inch x 5 inch index 

card 

• metric ruler 

2. Calculate the perimeter [2 X (length + 

width)] and the area (length X width) 

of the index card. Write both your 

unrounded answers and your correctly 

rounded answers on the chalkboard. 

Analyze and Conclude 

1. How many significant figures are in 

your measurements of length and 

of width? 

2. How do your measurements compare 

with those of your classmates? 

3. How many significant figures are in 

your calculated value for the area? In 

your calculated value for the perime¬ 

ter? Do your rounded answers have as 

many significant figures as your class¬ 

mates' measurements? 

4. Assume that the correct (accurate) 

length and width of the card are 

12.70 cm and 7.62 cm, respectively. 

Calculate the percent error for each of 

your two measurements. 

3.1 Section Assessment 

9. Key Concept How do measurements relate to 

experimental science? 

10. Key Concept How are accuracy and precision 

evaluated? 

11. Key Concept Why must a given measurement 

always be reported to the correct number of sig¬ 

nificant figures? 

12. Key Concept How does the precision of a cal¬ 

culated answer compare to the precision of the 

measurements used to obtain it? 

13. A technician experimentally determined the 

boiling point of octane to be 124.1°C. The actual 

boiling point of octane is 125.7°C. Calculate the 

error and the percent error. 

14. Determine the number of significant figures in 

each of the following. 

a. 11 soccer players b. 0.070 020 meter 

c. 10,800 meters d. 5.00 cubic meters 

15. Solve the following and express each answer in 

scientific notation and to the correct number of 

significant figures. 

a. (5.3 X 104) + (1.3 X 104) 

b. (7.2 X 10“4) - (1.8 X 103) 

c. 104 X 10“3 X 106 

d. (9.12 X 10”1) - (4.7 X 10“2) 

e. (5.4 X 104) X (3.5 X 109) 

Writing Activity 

Explanatory Paragraph Explain the differences 

between the accuracy, precision, and error of a 

measurement. 

Textbook 
Assessment 3.1 Test yourself 
on the concepts in Section 3.1. 

>_with ChemASAP 
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The International System of Units 

Connecting to Your World „A 0„v 
^ Are we there yet? You may 

have asked this question during a long road trip with family or friends.To 

find out how much farther you have to go, you can read the roadside signs 

that list destinations and their distances. In the 

signs shown here, however, the distances are 

listed as numbers with no units attached. Is 

Carrieton 44 kilometers or 44 miles away? 

Without the units, you can't be sure. When 

you make a measurement, you must assign 

the correct units to the numerical value. 

Without the units, it is impossible to 

communicate the measurement clearly to 

others. 

Measuring with SI Units 
All measurements depend on units that serve as reference standards. The 

standards of measurement used in science are those of the metric system. 

The metric system is important because of its simplicity and ease of use. All 

metric units are based on multiples of 10. As a result, you can convert 

between units easily. The metric system was originally established in 

France in 1795. The International System of Units (abbreviated SI, after the 

French name, Le Systeme International d’Unites) is a revised version of the 

metric system. The SI was adopted by international agreement in 1960. 

There are seven SI base units, which are listed in Table 3. ]. From these base 

units, all other SI units of measurement can be derived. The five SI 

base units commonly used by chemists are the meter, the kilogram, the 

kelvin, the second, and the mole. 

All measured quantities can be reported in SI units. Sometimes, how¬ 

ever, non-SI units are preferred for convenience or for practical reasons. In 

this textbook you will learn about both SI and non-SI units. 

Guide for Reading 

Key Concepts 

• Which five SI base units do 

chemists commonly use? 

• What metric units are 

commonly used to measure 

length, volume, mass, 

temperature, and energy? 

Vocabulary 
International System of Units (SI) 

meter (m) 

liter (L) 

kilogram (kg) 

gram (g) 

weight 

temperature 

Celsius scale 

Kelvin scale 

absolute zero 

energy 

joule (J) 

calorie (cal) 

Reading Strategy 
Summarizing As you read about 

SI units, summarize the main ideas 

in the text that follows the red and 

blue headings. 

r Table 3.1 ^ 

SI Base Units 

Quantity SI base unit Symbol 

Length meter m 

Mass kilogram kg 
Temperature kelvin K 

Time second s 

Amount of substance mole mol 

Luminous intensity candela cd 

Electric current ampere A 
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Commonly Used Metric Prefixes 

Prefix Meaning Factor 

mega (M) 1 million times larger than the unit it precedes 106 

kilo (k) 1000 times larger than the unit it precedes 103 

deci (d) 10 times smaller than the unit it precedes 10"1 

centi (c) 100 times smaller than the unit it precedes 10“2 

milli (m) 1000 times smaller than the unit it precedes 10~3 

micro (ju) 1 million times smaller than the unit it precedes 10"6 

nano (n) 1000 million times smaller than the unit it precedes 1(T9 

pico (p) 1 trillion times smaller than the unit it precedes 10"12 

Units and Quantities 
As you already know, you don’t measure length in kilograms or mass in cen¬ 

timeters. Different quantities require different units. Before you make a 

measurement, you must be familiar with the units corresponding to the 

quantity that you are trying to measure. 

Units of Length Size is an important property of matter. In SI, the basic 

unit of length, or linear measure, is the meter (m). All measurements of 

length can be expressed in meters. (The length of a page in this book is 

about one-fourth of a meter.) For very large and very small lengths, how¬ 

ever, it may be more convenient to use a unit of length that has a prefix. 

Table 3.2 lists the prefixes in common use. For example, the prefix milli- 

means 1 /1000 (one-thousandth), so a millimeter (mm) is 1 /1000 of a meter, 

or 0.001 m. A hyphen (-) measures about 1 mm. 

For large distances, it is usually most appropriate to express measure¬ 

ments in kilometers (km). The prefix kilo- means 1000, so 1km equals 

1000 m. A standard marathon distance race of about 42,000 m is more con¬ 

veniently expressed as 42 km (42 X 1000 m). Common metric units of 

length include the centimeter, meter, and kilometer. Table 3.3 summa- 

length of rizes the relationships among metric units of length . 
5 city blocks ~ 1 km 

Metric Units of Length 

Unit Relationship Example 

Kilometer (km) 1 km = 103 m length of about five city blocks ~ 1 km 

Meter (m) base unit height of doorknob from the floor = 1 m 

Decimeter (dm) 101 dm = 1 m diameter of large orange ~ 1 dm 

Centimeter (cm) 102 cm = 1 m width of shirt button =1 cm 

Millimeter (mm) 103 mm = 1 m thickness of dime ~ 1 mm 

Micrometer (pm) 106 /urn = 1 m diameter of bacterial cell = 1 pm 

Nanometer (nm) 109 nm = 1 m thickness of RNA molecule - 1 nm 



Units of Volume The space occupied by any sample of matter is called 

its volume. You calculate the volume of any cubic or rectangular solid by 

multiplying its length by its width by its height. The unit for volume is thus 

derived from units of length. The SI unit of volume is the amount of space 

occupied by a cube that is 1 m along each edge. This volume is a cubic 

meter (m3). An automatic dishwasher has a volume of about 1 m3. 

A more convenient unit of volume for everyday use is the liter, a non-SI 

unit. A liter (L) is the volume of a cube that is 10 centimeters (10 cm) along 

each edge (10 cm x 10 cm X 10 cm = 1000 cm3 = 1 L). A decimeter (dm) is 

equal to 10 cm, so 1 L is also equal to 1 cubic decimeter (dm3). A smaller 

non-SI unit of volume is the milliliter (mL); 1 mL is 1/1000 of a liter. Thus 

there are 1000 mL in 1 L. Because 1 L is defined as 1000 cm3, 1 mL and 

1 cm3 are the same volume. The units milliliter and cubic centimeter are 

thus used interchangeably. Common metric units of volume include 

the liter, milliliter, cubic centimeter, and microliter. Table 3.4 summarizes 

the relationships among these units of volume. 

There are many devices for measuring liquid volumes, including gradu¬ 

ated cylinders, pipets, burets, volumetric flasks, and syringes. Note that the 

volume of any solid, liquid, or gas will change with temperature (although 

the change is much more dramatic for gases). Consequently, accurate 

volume-measuring devices are calibrated at a given temperature—usually 

20 degrees Celsius (20°C), which is about normal room temperature. 

Figure 3.6 These photographs 
above give you some idea of the 

relative sizes of some different 
units of volume. ©The volume 

of 20 drops of liquid from a med¬ 
icine dropper is approximately 

1 mL. © A sugar cube is 1 cm on 
each edge and has a volume of 

1 cm3. Note that 1 mL is the same 
as 1 cm3. © A gallon of milk 

has about twice the volume of a 
2-L bottle of soda. 

Calculating How many cubic 
centimeters are in 2 liters? 

Checkpoint] What is the SI unit of volume? 

Table 3.4 ^ 

Metric Units of Volume 

Unit Relationship Example 

Liter (L) base unit quart of milk =1 L 

Milliliter (mL) 103 mL = 1 L 20 drops of water = 1 mL 

Cubic centimeter (cm3) 1 cm3 = 1 mL cube of sugar =1 cm3 

Microliter (pL) 106/rL = 1 L crystal of table salt = 1 pL 
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Table 3.5 

YS " ' Yq’Y Y- Metric Units of Mass ! 

Unit Relationship Example 

Kilogram (kg) (base unit) 1 kg = 103 g small textbook -1 kg 

Gram (g> 1 g = 1CT3 kg dollar bill = 1 g 

Milligram (mg) 103 mg = 1 g ten grains of salt = 1 mg 

Microgram (qg) 106 qg = 1 9 particle of baking powder = i qg 

Units of Mass The mass of an object is measured in comparison to a 

standard mass of 1 kilogram (kg), which is the basic SI unit of mass. A kilo¬ 

gram was originally defined as the mass of 1 L of liquid water at 4°C. A cube 

of water at 4°C measuring 10 cm on each edge would have a volume of 1 L 

and a mass of 1000 grams (g), or 1 kg. A gram (g) is 1 /1000 of a kilogram; the 

mass of 1 cm3 of water at 4°C is 1 g. Common metric units of mass 

include the kilogram, gram, milligram, and microgram. The relationships 

among units of mass are shown in Table 3.5. 

You can use a platform balance to measure the mass of an object. The 

object is placed on one side of the balance, and standard masses are added 

to the other side until the balance beam is level. The unknown mass is 

equal to the sum of the standard masses. Laboratory balances range from 

very sensitive instruments with a maximum capacity of only a few milli¬ 

grams to devices for measuring quantities in kilograms. An analytical bal¬ 

ance is used to measure objects of less than 100 g and can determine mass 

to the nearest 0.0001 g (0.1 mg). 

The astronaut shown on the surface of the moon in Figure 3.7 weighs 

one sixth of what he weighs on Earth. The reason for this difference is that 

the force of gravity on Earth is about six times what it is on the moon. 

Weight is a force that measures the pull on a given mass by gravity. Weight, 

a measure of force, is different from mass, which is a measure of the quan¬ 

tity of matter. Although the weight of an object can change with its loca¬ 

tion, its mass remains constant regardless of its location. Objects can thus 

become weightless, but they can never become massless. 

(^Checkpoint) How does weight differ from mass? 

Figure 3.7 An astronaut's 
weight on the moon is one sixth 

as much as it is on Earth. Earth 
exerts six times the force of 
gravity as the moon. 

Inferring How does the astro¬ 
naut's mass on the moon 

compare to his mass on Earth? 
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Units of Temperature When you hold a glass of hot water, the glass 

feels hot because heat transfers from the glass to your hand. When you hold 

an ice cube, it feels cold because heat transfers from your hand to the ice 

cube. Temperature is a measure of how hot or cold an object is. An object’s 

temperature determines the direction of heat transfer. When two objects at 

different temperatures are in contact, heat moves from the object at the 

higher temperature to the object at the lower temperature. 

Almost all substances expand with an increase in temperature and 

contract as the temperature decreases. (A very important exception is water.) 

These properties are the basis for the common liquid-in-glass thermome¬ 

ter. The liquid in the thermometer expands and contracts more than the 

volume of the glass, producing changes in the column height of liquid. Fig¬ 

ure 3.8 shows a few different types of thermometers. 

Several temperature scales with different units have been devised. 

Scientists commonly use two equivalent units of temperature, the 

degree Celsius and the kelvin. The Celsius scale of the metric system is 

named after the Swedish astronomer Anders Celsius (1701-1744). It uses 

two readily determined temperatures as reference temperature values: 

the freezing point and the boiling point of water. The Celsius scale sets the 

freezing point of water at 0°C and the boiling point of water at 100°C. The 

distance between these two fixed points is divided into 100 equal intervals, 

or degrees Celsius (°C). 

Another temperature scale used in the physical sciences is the Kelvin, 

or absolute, scale. This scale is named for Ford Kelvin (1824-1907), a Scot¬ 

tish physicist and mathematician. On the Kelvin scale, the freezing point of 

water is 273.15 kelvins (K), and the boiling point is 373.15 K. Notice that 

with the Kelvin scale, the degree sign is not used. Figure 3.9 on the next 

page compares the Celsius and Kelvin scales. A change of one degree on 

the Celsius scale is equivalent to one kelvin on the Kelvin scale. The zero 

point on the Kelvin scale, 0 K, or absolute zero, is equal to -273.15°C. For 

problems in this text, you can round —273.15°C to —273°C. Because one 

degree on the Celsius scale is equivalent to one kelvin on the Kelvin scale, 

converting from one temperature to another is easy. You simply add or 

subtract 273, as shown in the following equations. 

K = °C + 273 

°C = K - 273 

Figure 3.8 Thermometers are 

used to measure temperature. 
O Aliquid-in-glassthermometer 

contains alcohol or mineral 

spirits. © A dial thermometer 
contains a coiled bimetallic strip. 

© A Galileo thermometer 

contains several glass bulbs that 
are calibrated to sink or float 
depending on the temperature. 

The Galileo thermometer shown 

uses the Fahrenheit scale, which 
sets the freezing point of water at 
32°F and the boiling point of 

water at 212°F. 

C Go inline 
—®sc/« 

For: Links on Temperature 
Scales 

Visit: www.SciLinks.org 
Web Code: cdn-1032 
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Figure 3.9 These thermometers 

show a comparison of the Celsius 
and Kelvin temperature scales. 

Note that a 1 °C change on the 
Celsius scale is equal to a 1 K 
change on the Kelvin scale, 
interpreting Diagrams What 

is a change of 10 K equivalent to 
on the Celsius scale? 

Celsius 

i. 11. n i. 111111 m < m m i 1111 (1111 < i. 11 ( 

100 
divisions 

0°C 

Freezing point 
of water 

273.15 K 

100°C 

Boiling point 
of water 

373.15 K 

Kelvin 
jnn 

100 
divisions" 

Math Handbook 

For help with algebraic 
equations, go to page R69. 

I Textbook 
Problem-Solving 3.17 
Solve Problem 17 with the help 
of an interactive guided tutorial. 

SAMPLE PROBLEM 3.4 

Converting Between Temperature Scales 

Normal human body temperature is 37°C. What is that temperature in 

kelvins? 

Analyze List the known and the unknown. 

Known 

• Temperature in °C = 37°C 
Unknown 

• Temperature in K = ? K 

Use the known value and the equation K 

temperature in kelvins. 

°C + 273 to calculate the 

Calculate Solve for the unknown. 

Substitute the known value for the Celsius temperature into the equa¬ 

tion and solve. 

K = °C + 273 

= 37 + 273 = 310 K 

@ Evaluate Does the result make sense? 

You should expect a temperature in this range, since the freezing point 

of water is 273 K and the boiling point of water is 373 K; normal body 

temperature is between these two values. 

Practice Problems 

.withChemASAP 

16. Liquid nitrogen boils at 77.2 K. 

What is this temperature in 

degrees Celsius? 

17. The element silver melts at 

960.8°C and boils at 2212°C. 

Express these temperatures in 

kelvins. 
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Units of Energy Figure 3.10 shows a house equipped with solar panels. Figure 3.10 Photoelectric 

The solar panels convert the radiant energy from the sun into electrical panels convert solar energy 

energy that can be used to heat water and power appliances. Energy is the 'n1:o e-ectricity. 

capacity to do work or to produce heat. 

Like any other quantity, energy can be measured. The joule and the 

calorie are common units of energy. The joule (J) is the SI unit of energy. It is 

named after the English physicist James Prescott Joule (1818-1889). One 

calorie (cal) is the quantity of heat that raises the temperature of 1 g of pure 

water by 1°C. Conversions between joules and calories can be carried out 

using the following relationships. 

1J = 0.2390 cal 1 cal = 4.184 J 

3.2 Section Assessment 

18. Key Concept Which five SI base units are 

commonly used in chemistry? 

19. Key Concept Which metric units are com¬ 

monly used to measure length, volume, mass, 

temperature, and energy? 

20. Name the quantity measured by each of the seven 

SI base units and give the SI symbol of the unit. 

21. What is the symbol and meaning of each prefix? 

a. milli- b. nano- 

c. deci- d. centi- 

22. List the following units in order from largest to 

smallest: m3, mL, cL, fiL, L, dL. 

23. What is the volume of a paperback book 21 cm 

tall, 12 cm wide, and 3.5 cm thick? 

24. State the difference between mass and weight. 

25. State the relationship between degrees Celsius 

and kelvins. 

26. Surgical instruments may be sterilized by heat¬ 

ing at 170°C for 1.5 hr. Convert 170°C to kelvins. 

27. State the relationship between joules and 

calories. 

Handbook 

Boiling Points Look up the boiling points of the first 

four elements in Group 7A on page R32. Convert 

these temperatures into kelvins. 

Textbook 
Assessment 3.2 Test 

yourself on the concepts in 

Section 3.2. 

_with ChemASAP 
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Conversion Problems 

Guide for Reading 

Key Concepts 
• What happens when a 

measurement is multiplied by a 

conversion factor? 

• Why is dimensional analysis 

useful? 

• What types of problems are 

easily solved by using 

dimensional analysis? 

Vocabulary 
conversion factor 

dimensional analysis 

Reading Strategy 
Monitoring Your Understanding 
Preview the Key Concepts, the 

section heads, and boldfaced 

terms. List three things you expect 

to learn. After reading, state what 

you learned about each item 

listed. 

Textbook 

Animations Learn howto 
select the proper conversion 
factor and how to use it. 

-with Chem ASAP 

Connecting to Your World Perhaps you have traveled 

abroad or are planning to do so. If so, you know—or will soon discover— 

that different countries have different currencies. As a tourist, exchanging 

money is essential to the enjoyment of your trip. After 

all, you must pay for your meals, hotel, trans¬ 

portation, gift purchases, and tickets to 

exhibits and events. Because each 

country's currency compares differ¬ 

ently with the U.S. dollar, knowing 

how to convert currency units cor¬ 

rectly is very important. Conversion 

problems are readily solved by a 

problem-solving approach called 

dimensional analysis. 

Conversion Factors 
If you think about any number of everyday situations, you will realize that a 

quantity can usually be expressed in several different ways. For example, 

consider the monetary amount $1. 

1 dollar = 4 quarters = 10 dimes = 20 nickels = 100 pennies 

These are all expressions, or measurements, of the same amount of money. 

The same thing is true of scientific quantities. For example, consider a dis¬ 

tance that measures exactly 1 meter. 

1 meter =10 decimeters = 100 centimeters = 1000 millimeters 

These are different ways to express the same length. 

Whenever two measurements are equivalent, a ratio of the two mea¬ 

surements will equal 1, or unity. For example, you can divide both sides of 

the equation 1 m = 100 cm by 1 m or by 100 cm. 

1 m _ 100 cm _ , 1 m _ 100 cm , 
lm lm 1 or 100 cm 100 cm 1 

^— conversion factors —^ 

A conversion factor is a ratio of equivalent measurements. The ratios 

100 cm/1 m and 1 m/100 cm are examples of conversion factors. In a con¬ 

version factor, the measurement in the numerator (on the top) is equivalent 

to the measurement in the denominator (on the bottom). The conversion 

factors above are read “one hundred centimeters per meter” and “one 

meter per hundred centimeters.” Figure 3.11 illustrates another way to look 

at the relationships in a conversion factor. Notice that the smaller number is 

part of the measurement with the larger unit. That is, a meter is physically 

larger than a centimeter. The larger number is part of the measurement 

with the smaller unit. 
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Smaller number 

Larger number 

_j_m 
100 cm 

Larger unit 

Smaller unil 

A Conversion Factor 

Conversion factors are useful in solving problems in which a given 

measurement must be expressed in some other unit of measure. When 

a measurement is multiplied by a conversion factor, the numerical value is 

generally changed, but the actual size of the quantity measured remains the 

same. For example, even though the numbers in the measurements 1 g and 

10 dg (decigrams) differ, both measurements represent the same mass. In 

addition, conversion factors within a system of measurement are defined 

quantities or exact quantities. Therefore, they have an unlimited number of 

significant figures, and do not affect the rounding of a calculated answer. 

Here are some additional examples of pairs of conversion factors writ¬ 

ten from equivalent measurements. The relationship between grams and 

kilograms is 1000 g = 1 kg. The conversion factors are: 

10008 and l^g 
1 kg 1000 g 

The scale of the micrograph in Figure 3.12 is in nanometers. Using the rela¬ 

tionship 109 nm = 1 m, you can write the following conversion factors. 

109 nm ancj 1 m 
1 nr to9 nm 

Common volumetric units used in chemistry include the liter and 

the microliter. The relationship 1 L = 106 /uL yields the following conversion 

factors. 

1 L 
106 /rL 

and 
106 /jlL 

1 L 

Based on what you know about metric prefixes, you should be able to 

easily write conversion factors that relate equivalent metric quantities. 

(^Checkpoint) How many significant figures does a conversion factor within 

a system of measurement have? 

Figure 3.11 The two parts of a 
conversion factor, the numerator 

and the denominator, are equal. 

Figure 3.12 In this computer 

image of atoms, distance is 
marked off in nanometers (nm). 
Inferring What conversion 

factor would you use to convert 
nanometers to meters? 

Dimensional Analysis 
No single method is best for solving every type of problem. Several good 

approaches are available, and generally one of the best is dimensional 

analysis. Dimensional analysis is a way to analyze and solve problems using 

the units, or dimensions, of the measurements. The best way to explain this 

problem-solving technique is to use it to solve an everyday situation. 
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SAMPLE PROBLEM 3.5 

Math Handbook 

For help with dimensional 
analysis, go to page R66. 

Using Dimensional Analysis 

How many seconds are in a workday that lasts exactly eight hours? 

Analyze List the knowns and the unknown. 

Knowns 

• time worked = 8 h 

• 1 hour = 60 min 

• 1 minute = 60 s 

Unknown 

• seconds worked = ? s 

The first conversion factor must be written with the unit hours in the 

denominator. The second conversion factor must be written with the 

unit minutes in the denominator. This will provide the desired unit 

(seconds) in the answer. 

Calculate Solve for the unknown. 

Start with the known, 8 hours. Use the first relationship (1 hour = 

60 minutes) to write a conversion factor that expresses 8 hours as 

minutes. The unit hours must be in the denominator so that the 

known unit will cancel. Then use the second conversion factor to 

change the unit minutes into the unit seconds. This conversion factor 

must have the unit minutes in the denominator. The two conversion 

factors can be used together in a simple overall calculation. 

60s 

Textbook 

Problem-Solving 3.29 Solve 
Problem 29 with the help of an 
interactive guided tutorial. 

_———with ChemASAP 

8kxMx 
l h 1 min 

= 28,800 s 

= 2.8800 X 104 s 

Evaluate Does the result make sense? 

The answer has the desired unit (seconds). Since the second is a small 

unit of time, you should expect a large number of seconds in 8 hours. 

Before you do the actual arithmetic, it is a good idea to make sure that 

the units cancel and that the numerator and denominator of each 

conversion factor are equal to each other. The answer is exact since the 

given measurement and each of the conversion factors is exact. 

Practice Problems ui-Ahd 

28. How many minutes are there 29. How many seconds 

in exactly one week? exactly a 40-hour wc 

There is usually more than one way to solve a problem. When you first 

read Sample Problem 3.5, you may have thought about different and 

equally correct ways to approach and solve the problem. Some problems 

are easily worked with simple algebra. Dimensional analysis provides 

you with an alternative approach to problem solving. In either case, you 

should choose the problem-solving method that works best. 
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SAMPLE PROBLEM 3.6 

Using Dimensional Analysis 

The directions for an experiment ask each student to measure 1.84 g of 

copper (Cu) wire. The only copper wire available is a spool with a mass 

of 50.0 g. How many students can do the experiment before the copper 

runs out? 

hi Analyze List the knowns and the unknown. 

Knowns 

• mass of copper available = 50.0 g Cu 

• each student needs 1.84 grams of copper, or ^- —. 
student 

Unknown 

• number of students = ? 

From the known mass of copper, calculate the number of students that 

can do the experiment by using the appropriate conversion factor. The 

desired conversion is mass of copper-> number of students. 
— 

Calculate Solve for the unknown. 

Because students is the desired unit for the answer, the conversion 

factor should be written with students in the numerator. Multiply the 

mass of copper by the conversion factor. 

50.0 g-Cb X | = 27.174 students = 27 students 

Note that because students cannot be fractional, the result is shown 

rounded down to a whole number. 
_ 

jj Evaluate Does the result make sense? 

The unit of the answer (students) is the one desired. The number of 

students (27) seems to be a reasonable answer. You can make an 

approximate calculation using the following conversion factor. 

1 student 
2 g Cu 

Multiplying the above conversion factor by 50 g Cu gives the approxi¬ 

mate answer of 25 students, which is close to the calculated answer. 

CHEMath 

Conversion Problems 

A conversion factor is a ratio 

of two quantities that are 
equal to one another. When 

doing conversions, write the 

conversion factors so that the 
unit of a given measurement 

canceis, leaving the correct 
unit for your answer. Note 

that the equalities needed to 

write a particular conversion 
may be given in the problem. 

In other cases, you will need 
to know or look up the neces¬ 

sary equalities. 

__ Handbook 

For help with conversion 
problems, go to page R66. 
k_> 

Practice Problems 

30. An experiment requires that 

each student use an 8.5-cm 

length of magnesium ribbon. 

How many students can do 

the experiment if there is a 

570-cm length of magnesium 

ribbon available? 

31. A 1.00-degree increase on the 

Celsius scale is equivalent to a 

1.80-degree increase on the 

Fahrenheit scale. If a tempera¬ 

ture increases by 48.0°C, what 

is the corresponding tempera¬ 

ture increase on the Fahren¬ 

heit scale? 

Problem-Solving 3.30 Solve 
Problem 30 with the help of an 
interactive guided tutorial. 

_with ChemASAP 
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Converting Between Units 
In chemistry, as in many other subjects, you often need to express a mea¬ 

surement in a unit different from the one given or measured initially. 

Problems in which a measurement with one unit is converted to an 

equivalent measurement with another unit are easily solved using dimen¬ 

sional analysis. 

Suppose that a laboratory experiment requires 7.5 dg of magnesium 

metal, and 100 students will do the experiment. How many grams of mag¬ 

nesium should your teacher have on hand? Multiplying 100 students by 

7.5 dg/student gives you 750 dg. But then you must convert dg to grams. 

Sample Problem 3.7 shows you how to do the conversion. 

SAMPLE PROBLEM 3.7 

Analyze List the knowns and the unknown. 

Knowns Unknown 

• mass = 750 dg • mass = ? g 

• 1 g = 10 dg 

The desired conversion is decigrams-> grams. Using the expres¬ 

sion relating the units, 10 dg = 1 g, multiply the given mass by the 

proper conversion factor. 

Calculate Solve for the unknown. 

The correct conversion factor is shown below. 

Converting Between Metric Units 

Express 750 dg in grams. 

_ il_ 
10 dg 

Note that the known unit is in the denominator and the unknown unit 

is in the numerator. 

750d*xiiHb-75« 

fi| Evaluate Does the result make sense? 

Because the unit gram represents a larger mass than the unit 

decigram, it makes sense that the number of grams is less than the 

given number of decigrams. The unit of the known (dg) cancels, and 

the answer has the correct unit (g). The answer also has the correct 

number of significant figures. 

Practice Problems 
& 

Jfcfoem&ktos® 
^Textbook 
Problem-Solving 3.33 Solve 
Problem 33 with the help of an 
interactive guided tutorial. 

,-—with ChemASAP 

32. Using tables from this chap¬ 

ter, convert the following. 

a. 0.044 km to meters 

b. 4.6 mg to grams 

c. 0.107 g to centigrams 

33. Convert the following. 

a. 15 cm3 to liters 

b. 7.38 g to kilograms 

c. 6.7 s to milliseconds 

d. 94.5 g to micrograms 
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Multistep Problems Many complex tasks in your everyday life are best 

handled by breaking them down into manageable parts. For example, if 

you were cleaning a car, you might first vacuum the inside, then wash the 

exterior, then dry the exterior, and finally put on a fresh coat of wax. Simi¬ 

larly, many complex word problems are more easily solved by breaking the 

solution down into steps. 

When converting between units, it is often necessary to use more than 

one conversion factor. Sample Problem 3.8 illustrates the use of multiple 

conversion factors. 

(^Checkpoint) What problem-solving methods can help you solve complex 

word problems? 

SAMPLE PROBLEM 3.8 

Converting Between Metric Units 

What is 0.073 cm in micrometers? 

Analyze List the knowns and the unknown. 
- 

Knowns Unknown 

• length = 0.073 cm = 7.3 X 10~2 cm • length = ? /rm 

• 102 cm = 1 m 

• 1 m = 106^m 

CHEMath 
Scientific Notation 

It is often convenient to 

express very large or very 

small numbers in scientific 
notation.The distance 

between the sun and Earth is 

150,000,000 km, which can 
be written as 1.5 X 108 km. 

The diameter of a gold atom 

is 0.000 000 000 274 m, or 
2.74 X 10“,0m. 

When multiplying numbers 
written in scientific notation, 

add the exponents. When 

dividing numbers written in 

scientific notation, subtract 
the exponent in the denomi¬ 

nator from the exponent in 
the numerator. 

For help with scientific 
notation, go to page R56. 

The desired conversion is from centimeters to micrometers. The prob¬ 

lem can be solved in a two-step conversion. 

Calculate Solve for the unknown. 

First change centimeters to meters; then change meters to microme¬ 

ters: centimeters > meters—-—> micrometers. Each conversion 

factor is written so that the unit in the denominator cancels the unit in 

the numerator of the previous factor. 

la 10Vm 

Textbook 

Problem-Solving 3.35 Solve 
Problem 35 with the help of an 
interactive guided tutorial. 

with ChemASAP 
7.3 x 10 2 cnt x 

102 cnt 1 m 
= 7.3 X 102p,m 

Evaluate Does the result make sense? 

Because a micrometer is a much smaller unit than a centimeter, the 

answer should be numerically larger than the given measurement. The 

units have canceled correctly, and the answer has the correct number 

of significant figures. 

Practice Problems 

34. The radius of a potassium 35. The diameter of Earth is i 
atom is 0.227 nm. Express this 1.3 x ] 04 km. What is the 

radius in the unit centimeters. diameter expressed in 

decimeters? 



Converting Complex Units Many common measurements are expressed 

as a ratio of two units. For example, the results of international car races 

often give average lap speeds in kilometers per hour. You measure the den¬ 

sities of solids and liquids in grams per cubic centimeter. You measure the 

gas mileage in a car in miles per gallon of gasoline. If you use dimensional 

analysis, converting these complex units is just as easy as converting single 

units. It will just take multiple steps to arrive at an answer. 

For help with dimensional 
analysis, go to page R66. 
\__y 

Problem-Solving 3.37 Solve 
Problem 37 with the help of an 
interactive guided tutorial. 

w.——..— with ChemASAP 

SAMPLE PROBLEM 3.9 

Converting Ratios of Units 

The mass per unit volume of a substance is a property called density. 

The density of manganese, a metallic element, is 7.21 g/cm3. What is the 

density of manganese expressed in units kg/m3? 

Practice Problems 

ffl Analyze List the knowns and the unknown. 

Knowns 

• density of manganese = 7.21 g/ cm3 

• 103 g = 1 kg 

• 106 cm3 = 1 m3 

Unknown 

• density manganese = ? kg/m3 

The desired conversion is g/cm3->kg/m3. The mass unit in the 

numerator must be changed from grams to kilograms: g->■ kg. 

In the denominator, the volume unit must be changed from cubic 

centimeters to cubic meters: cm3-> m3. Note that the relationship 

between cm3 and m3 was determined from the relationship 

between cm and m. Cubing the relationship 102 cm = lm yields 

CIO2 cm)3 = (1 m)3, or 106 cm3 = 1 m3. 

Ifffl Calculate Solve for the unknown. 

7.21 g lkg 106 cm3 

1 cm3 X 103 g X 1 m3 
7.21 x 103kg/m3 

lip Evaluate Does the result make sense? 

Because the physical size of the volume unit m3 is so much larger than 

cm3 (10® times), the calculated value of the density should be larger 

than the given value even though the mass unit is also larger (103 

times). The units cancel, the conversion factors are correct, and the 

answer has the correct ratio of units. 

36. Gold has a density of 

19.3 g/cm3. What is the 

density in kilograms per 

cubic meter? 

37. There are 7.0 X 10s red blood 

cells (RBC) in 1.0 mm3 of 

blood. How many red blood 

cells are in 1.0 L of blood? 
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Dimensional Analysis 

Purpose 
To apply the problem¬ 

solving technique of 

dimensional analysis to 

conversion problems. 

Materials 
• 3 inch X 5 inch index 

cards or paper cut to 

approximately the same 

size 

• pen 

Procedure 
A conversion factor is a ratio of equivalent 

measurements. For any relationship, you 

can write two ratios. On a conversion fac¬ 

tor card you can write one ratio on each 

side of the card. 

1. Make a conversion factor card for each 

metric relationship shown inTables 3.3, 

3.4, and 3.5. Show the inverse of the 

conversion factor on the back of 

each card. 

2. Use the appropriate conversion factor 

cards to set up solutions to Sample 

Problems 3.7 and 3.8. Notice that in 

each solution, the unit in the denomi¬ 

nator of the conversion factor cancels 

the unit in the numerator of the previ¬ 

ous conversion factor. 

Analyze and Conclude 
1. What is the effect of multiplying a 

given measurement by one or more 

conversion factors? 

2. Use your conversion factor cards to set 
up solutions to these problems. 
a. 78.5 cm = ? m 
b. 0.056 L = ? cm3 
c. 77 kg = ? mg 
d. 0.098 nm = ? dm 
e. 0.96 cm = ? pm 
f. 0.0067 mm = ? nm 

' 

3.3 Section Assessment 

38. Key Concept What happens to the numerical 

value of a measurement that is multiplied by a 

conversion factor? What happens to the actual 

size of the quantity? 

39. Key Concept Why is dimensional analysis 

useful? 

40. Key Concept What types of problems can be 

solved using dimensional analysis? 

41. What conversion factor would you use to convert 

between these pairs of units? 

a. minutes to hours 

b. grams to milligrams 

c. cubic decimeters to milliliters 

42. Make the following conversions. Express your 

answers in standard exponential form. 

a. 14.8 g to micrograms 

b. 3.72 X 10-3 kg to grams 

c. 66.3 L to cubic centimeters 

43. An atom of gold has a mass of 3.271 X 1CT32 g. How 

many atoms of gold are in 5.00 g of gold? 

44. Convert the following. Express your answers in 

scientific notation. 

a. 7.5 X 1041 to kilojoules 

b. 3.9 X 105 mg to decigrams 

c. 2.21 x 10 4 dL to microliters 

45. Light travels at a speed of 3.00 x 1010 cm/s. 

What is the speed of light in kilometers/hour? 

Connecting Concepts 

Problem-Solving Skills Reread the passage on 

solving numeric problems in Section 1.4. Explain 
how the three-step process might apply to conver¬ 

sion problems that involve dimensional analysis. 

” ^rSrtbooir 
Assessment 3.3 Test yourself 
on the concepts in Section 3.3. 

with ChemASAP 
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Model building 
Architects use both two-dimensional and 

three-dimensional scale models to design 

buildings. A common scale for floor plans is 1: 48. 

Technology 8c Society 

Scale Models 
Scale model 

4.5 ft tall, scale 1:192 

A scale model is a physical or conceptual representation of an 

object that is proportional in size to the object it represents. 

Examples include model trains, model airplanes, and dollhouses. 

Most model trains are built to a scale of 1:87.This ratio means that 

the model is ■— the size of an actual train.This fraction can be used as 

a conversion factor. On the model, 1 cm represents 87 cm on the train. 

Scale models aren't just for hobbyists—scientists and engineers 

use them, too. A simple scientific model in the classroom is a globe, 

which is a small-scale model of Earth. (A globe with a diameter of 

30 cm has a scale of 1:42,500,000.) Applying Concepts How do 

you use the scale of a model as a conversion factor? 

Architectural drawing 

Computer modeling 
By testing a model, engineers 

can make a product better 

before it is built. Engineers 

often design scale models on 

computers. These automotive 

engineers are using a 

computer-aided design (CAD) 

program to view a digital 

scale model of a car. Physical 

models of the car’s wheels are 
on the desk. 

.. 
mm- 

Conde Nast Building 
New York City 
866 ft (264 m) tall, 

48 floors 
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Density 

Connecting to Your World 
9 Have you ever wondered why 

some objects float in water, while others sink? If you think that these lily 

pads float because they are lightweight, you are only partially correct.The 

ratio of the mass of an object to its volume can 

be used to determine whether an object 

floats or sinks in water. For pure water 

at 4°C, this ratio is 1.000 g/cm3. If an 

object has a mass-to-volume ratio less 

than 1.000 g/cm3, it will float in water. 

If an object has a mass-to-volume 

ratio greater than this value, it will 

sink in water. 

Guide for Reading 

Key Concepts 
• What determines the density of 

a substance? 

• How does a change in 

temperature affect density? 

Vocabulary 
density 

Reading Strategy 
Identifying Main Ideas As you 

read, write the main idea of the 

text that follows each heading. 

Determining Density 
Perhaps someone has tricked you with this question: “Which is heavier, a 

pound of lead or a pound of feathers?” Most people would not give the ques¬ 

tion much thought and would incorrectly answer “lead.” Of course, a pound 

of lead has the same mass as a pound of feathers. What concept, instead of 

mass, are people really thinking of when they answer this question? 

Most people are incorrectly applying a perfectly correct idea: namely, 

that if a piece of lead and a feather of the same volume are weighed, the 

lead would have a greater mass than the feather. It would take a much 

larger volume of feathers to equal the mass of a given volume of lead. 

9 

Simulation 1 Rank 
materials according to 
their densities. 

__with ChemASAP 

Textbook 

10 g of 10 g of 
Lithium Water 

Volume 19 cm3 10 cm3 0.88 cm3 

Density 0.53 g/cm3 1.0 g/cm3 11.4 g/cm3 

Figure 3.13 A 10-g sample of pure water has less volume than 10 g 
of lithium, but more volume than 10 g of lead. The faces of the cubes 
are shown actual size. Inferring Which substance has the highest 

ratio of mass to volume? 

Section 3.4 Density 89 



Table 3.6 

Densities of Some Common Materials 

Solids and Liquids Gases 

Material Density at 20°C (g/cm3) Material Density at 20°C (g/L) 

Gold 19.3 Chlorine 2.95 

Mercury 13.6 Carbon dioxide 1.83 

Lead 11.4 Argon 1.66 

Aluminum 2.70 Oxygen 1.33 

Table sugar 1.59 Air 1.20 

Corn syrup 1.35-1.38 Nitrogen 1.17 

Water (4°C) 1.000 Neon 0.84 

Corn oil 0.922 Ammonia 0.718 

Ice (0°C) 0.917 Methane 0.665 

Ethanol 0.789 Helium 0.166 

Gasoline 0.66-0.69 Hydrogen 0.084 

Figure 3.14 Because of 

differences in density, corn oil 
floats on top of corn syrup. 

The important relationship in this case is between the object’s mass 

and its volume. This relationship is called density. Density is the ratio of the 

mass of an object to its volume. 

Density 
mass 

volume 

A 10.0-cm3 piece of lead, for example, has amass of 114 g. What, then, is the 

density of lead? You can calculate it by substituting the mass and volume 

into the equation above. 

H4g 
10.0 cm3 

11.4 g/cm3 

Note that when mass is measured in grams, and volume in cubic centime¬ 

ters, density has units of grams per cubic centimeter (g/cm3). 

Figure 3.13 on page 89 compares the density of three substances. Why 

does each 10-g sample have a different volume? The volumes vary because 

the substances have different densities. Density is an intensive prop¬ 

erty that depends only on the composition of a substance, not on the size 

of the sample. With a mixture, density can vary because the composition 

of a mixture can vary. 

What do you think will happen if corn oil is poured into a glass contain¬ 

ing corn syrup? Using Table 3.6, you can see that the density of corn oil is 

less than the density of corn syrup. For that reason, the oil floats on top of 

the syrup, as shown in Figure 3.14. 

You have probably seen a helium-filled balloon rapidly rise to the ceil¬ 

ing when it is released. Whether a gas-filled balloon will sink or rise when 

released depends on how the density of the gas compares with the density 

of air. Helium is less dense than air, so a helium-filled balloon rises. The 

densities of various gases are listed in Table 3.6. 

(^Checkpoint) What quantities do you need to measure in order to calculate 

the density of an object? 
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Density and Temperature 
Experiments show that the volume of most substances increases as the 

temperature increases. Meanwhile, the mass remains the same despite the 

temperature and volume changes. Remember that density is the ratio of an 

object’s mass to its volume. So if the volume changes with temperature 

(while the mass remains constant), then the density must also change with 

temperature. The density of a substance generally decreases as its tem¬ 

perature increases. As you will learn in Chapter 15, water is an important 

exception. Over a certain range of temperatures, the volume of water 

increases as its temperature decreases. Ice, or solid water, floats because it 

is less dense than liquid water. 

C Go ^Inline 
-cm>scy’ 

INKS 

For: Links on Density 
Visit: www.SciLinks.org 
Web Code: cdn-1034 

SAMPLE PROBLEM 3.10 

Calculating Density 

A copper penny has a mass of 3.1 g and a volume of 0.35 cm3. What is 

the density of copper? 

U Analyze List the knowns and the unknown. 

Knowns Unknown 

• mass = 3.1 g • density = ? g/cm3 

• volume = 0.35 cm3 

Use the known values and the following definition of density. 

Density = °?ass 
} volume 

Calculate Solve for the unknown. 

The equation is already set up to solve for the unknown. Substitute the 

known values for mass and volume, and calculate the density. 

density = n?as- = g 3 = 8.8571 g/cm3 
J volume 0.35 cm3 ° 

= 8.9 g/cm3 (rounded to two significant figures) 

^ Evaluate Does the result make sense? 

A piece of copper with a volume of about 0.3 cm3 of copper has a mass 

of about 3 grams. Thus, about three times that volume of copper, 

1 cm3, should have a mass three times larger, about 9 grams. This 

estimate agrees with the calculated result. 

Practice Problems 

46. A student finds a shiny piece 

of metal that she thinks is alu¬ 

minum. In the lab, she deter¬ 

mines that the metal has a 

volume of 245 cm3 and a mass 

of 612 g. Calculate the density. 

Is the metal aluminum? 

47. A bar of silver has a mass of 

68.0 g and a volume of 6.48 cm3. 

What is the density of silver? 

M?th Handbook 

For help with algebraic 
equations, go to page R69. 

Textbook 
Problem-Solving 3.47 Solve 
Problem 47 with the help of an 
interactive guided tutorial. 

with ChemASAP 
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SAMPLE PROBLEM 3.11 

Analyze List the knowns and the unknown. 

Knowns Unknown 

• mass of coin = 14 g • volume of coin = ? cm3 

• density of silver = 10.5 g/cm3 

You can solve this problem by using density as a conversion factor. You 

need to convert the mass of the coin into a corresponding volume. The 

density gives the following relationship between volume and mass. 

Using Density to Calculate Volume 

What is the volume of a pure silver coin that has a mass of 14 g? The 

density of silver (Ag) is 10.5 g/cm3. 

1 cm3 Ag ---■ 10.5 g Ag 

Based on this relationship, you can write the following conversion 

factor. 

1 cm3Ag 

10.5 gAg 

_ Handbook 

For help with significant 
figures, go to page R59. 

Textbook 

Problem-Solving 3.48 Solve 
Problem 48 with the help of an 
interactive guided tutorial. 

w— with ChemASAP 

Mercury 

Notice that the known unit is in the denominator and the unknown 

unit is in the numerator. 

0 

0 

Calculate Solve for the unknown. 

Multiply the mass of the coin by the conversion factor to yield an 

answer in cm3. 

1 cm3Ag „ 
14^XT0^Ag = L3cm A§ 

Evaluate Does the result make sense? 

Because a mass of 10.5 g of silver has a volume of 1 cm3, it makes sense 

that 14.0 g of silver should have a volume slightly larger than 1 cm3. 

The answer has two significant figures because the given mass has two 

significant figures. 

Practice Problems 

48. Use dimensional analysis and 

the given densities to make 

the following conversions. 

a. 14.8 g of boron to cm3 of 

boron. The density of 

boron is 2.34 g/cm3. 

b. 4.62 g of mercury to cm3 

of mercury. The density of 

mercury is 13.5 g/cm3. 

49. Rework the preceding 

problems by applying the 

following equation. 

Density 
mass 

volume 
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Analytical Chemist 

Analytical chemists focus on mak¬ 

ing quantitative measurements. 

They must be familiar with many 

analytical techniques to work suc¬ 

cessfully on a wide variety of tasks. 

As an analytical chemist, you 

would spend your time making 

measurements and calculations 

to solve laboratory and math- 

based research problems. You 

could, for example, be involved in 

analyzing the composition of bio¬ 

molecules. Pharmaceutical com¬ 

panies need people to analyze the 

composition of medicines and 

research new combinations of 

compounds to use as drugs. As an 

analytical chemist, you must be 

able to think creatively and 

develop new means for finding 

solutions. 

Many exciting new fields, such 

as biomedicine and biochemistry, 

are now hiring analytical chem¬ 

ists. More traditional areas, 

including industrial manufactur¬ 

ers, also employ analytical chem¬ 

ists. The educational background 

you need to enter this field is 

quite extensive. You would need 

advanced chemical training, 

including organic chemistry and 

quantitative chemistry, as well as 

some training in molecular biol¬ 

ogy and computer operation. A 

master’s degree in chemistry may 

be required, and certain positions 

require a Ph.D. 

C Go ^Inline 
-PHSchool.com 

For: Careers in Chemistry 
Visit: PHSchool .com 
Web Code: cdb-1034 

3.4 Section Assessment 

50. Key Concept What determines the density 

of an object? 

51. Key Concept How does density vary with 

temperature? 

52. A weather balloon is inflated to a volume of 

2.2 X 103 L with 37.4 g of helium. What is the 

density of helium in grams per liter? 

53. A 68-g bar of gold is cut into 3 equal pieces. How 

does the density of each piece compare to the 

density of the original gold bar? 

54. A plastic ball with a volume of 19.7 cm3 has a 

mass of 15.8 g. Would this ball sink or float in a 

container of gasoline? 

55. What is the volume, in cubic centimeters, of a 

sample of cough syrup that has a mass of 50.0 g? 

The density of cough syrup is 0.950 g/cm3. 

56. What is the mass, in kilograms, of 14.0 L of gaso¬ 

line? (Assume that the density of gasoline is 

0.680 g/cm3.) 

Handbook 

Density Look up the densities of the elements in 
Group 1A on page R6. Which Group 1A elements are 

less dense than pure water at 4°C? 

Textbook 

Assessment 3.4 Test yourself 
on the concepts in Section 3.4. 

_with ChemASAP 
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Now What Do I Do? 

Purpose 
To solve problems by making accurate measurements and 

applying mathematics. 

Materials 
• pencil • calculator 

® paper • small-scale pipet 

• meter stick • water 

• balance • a pre- and post-1982 penny 

• pair of dice • 8-well strip 

• aluminum can • plastic cup 

Procedure ^ f§| 0 
1. Determine the mass, in grams, of one drop of water. 

To do this, measure the mass of an empty cup. Add 50 

drops of water from a small-scale pipet to the cup 

and measure its mass again. Subtract the mass of the 

empty cup from the mass of the cup with water in it. 

To determine the average mass in grams of a single 

drop, divide the mass of the water by the number of 

drops (50). Repeat this experiment until your results 

are consistent. 

2. Determine the mass of a pre-1982 penny and a 

post-1982 penny. 

Analyze 
Using your experimental data, record the answers to the 

following questions. 

1. What is the average mass of a single drop of water in 

milligrams? (1 g = 1000 mg) 

You're the Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Design It! Design an experiment to determine if 

the size of drops varies with the angle at which they 

are delivered from the pipet.Try vertical (90°), horizon¬ 

tal (0°), and halfway between (45°). Repeat until your 

results are consistent. 

2. Analyze It! What is the best angle to hold a pipet for 

ease of use and consistency of measurement? Explain. 

Why is it important to expel the air bubbles before you 

begin the experiment? 

3. Design It! Make the necessary measurements to 

determine the volume of aluminum used to make an 

aluminum soda can. Hint: Look up the density of alumi¬ 

num in your textbook. 

4. Design It! Design and carry out some experiments to 

determine the volume of liquid that an aluminum soda 

can will hold. 

2. The density of water is 1.00 g/cm3. Calculate the vol¬ 

ume of a single drop in cm3 and mL. (1 mL = 1 cm3) 

What is the volume of a drop in microliters (/jL)? 

(1000 [A. = 1 mL) 

3. What is the density of water in units of mg/cm3 and 

mg/mL? (1 g = 1000 mg) 

4. Pennies made before 1982 consist of 95.0% copper and 

5.0% zinc. Calculate the mass of copper and the mass of 

zinc in the pre-1982 penny. 

5. Design It! Measure a room and calculate the volume 

of air it contains. Estimate the percent error associated 

with not taking into account the furniture in the room. 

6. Design It! Make the necessary measurements and do 

the necessary calculations to determine the volume of 

a pair of dice. First, ignore the volume of the dots on 

each face, and then account for the volume of the dots. 

What is your error and percent error when you ignore 

the holes? 

5. Pennies made after 1982 are made of zinc with a thin 

copper coating.They are 97.6% zinc and 2.4% copper. 

Calculate the mass of copper and the mass of zinc in 

the newer penny. 

6. Why does one penny have less mass than the other? 

7. Design It! Design an experiment to determine the 

volume of your body. Write down what measurements 

you would need to make and what calculations 

you would do. What additional information might 

be helpful? 

y 
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CHAPTER 

3 Study Guide 

Key Concepts 

<T^ 3.1 Measurements and Their Uncertainty 

• Measurements are fundamental to the 
experimental sciences. 

• To evaluate accuracy, the measured value 
must be compared to the correct value. To 
evaluate precision, you must compare the 
values of repeated measurements. 

• Calculated answers often depend on the 
number of significant figures in the values 
used in the calculation. 

• In general, a calculated answer cannot be 
more precise than the least precise measure¬ 
ment from which it was calculated. 

3.2 The International System of Units 

• Five commonly used SI base units are the 
meter, kilogram, kelvin, second, and mole. 

• Common metric units of length: cm, m, km. 

Common metric units of volume: /tL, mL, L, 
cm3. Common metric units of mass: mg, g, 
kg. Common units of temperature: °C and K. 
Common units of energy: J and cal. 

3.3 Conversion Problems 

• Multiplying by a conversion factor does not 
change the actual size of a measurement. 

• Dimensional analysis provides an alternative 
approach to problem solving. 

• Conversion problems are easily solved using 
dimensional analysis. 

(^ 3.4 Density 

• Density is an intensive property that depends 
only on the composition of a substance. 

• The density of a substance generally decreases 
as its temperature increases. 

Vocabulary 

• absolute zero (p. 77) 

• accepted value (p. 65) 

• accuracy (p. 64) 

• calorie (cal) (p. 79) 

• Celsius scale (p. 77) 

• conversion factor (p. 80) 

• density (p. 90) 

• dimensional analysis (p. 81) 

• energy(p.79) 

error (p. 65) 

experimental value (p. 65) 

gram (g) (p. 76) 

International System of Units 

(SI) (p. 73) 

joule (J) (p. 79) 

Kelvin scale (p. 77) 

kilogram (kg) (p. 76) 

liter (L) (p. 75) 

measurement (p. 63) 

meter (m) (p. 74) 

percent error(p. 65) 

precision (p. 64) 

scientific notation (p. 63) 

significant figures (p. 66) 

temperature (p. 77) 

weight (p. 76) 

Key Equations 

Error = experimental value - accepted value 

lerrorl 
Percent error = 

accepted value 
X 100% 

K = °C + 273 and °C = K - 273 

1J = 0.2390 cal and 1 cal = 4.184 J 

Density = n?ass 
J volume 

Organizing Information 

Use these terms to construct a 
concept map that organizes the 
major ideas of this chapter. 

o 

r ^hteractfw® 
Textbook 

Concept Map 3 Solve the 
concept map with the help of 
an interactive guided tutorial. 

>_with ChemASAP 

kelvin (K) density Celsius (°C) 

gram (g) 

meter (m) temperature weight 
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Assessment 

Reviewing Content 

3.1 Measurements and Their Uncertainty 

Three students made multiple weighings of a 

copper cylinder, each using a different balance. 

Describe the accuracy and precision of each 

student’s measurements if the correct mass of 

the cylinder is 47.32 g. 

Mass of Cylinder (g) 

Lissa Lamont Leigh Anne 

Weighing 1 47.13 47.45 47.95 

Weighing 2 47.94 47.39 47.91 

Weighing 3 46.83 47.42 47.89 

Weighing 4 47.47 47.41 47.93 

58. How many significant figures are in each under¬ 

lined measurement? 

a. 60 s = 1 min b. 47.70 g of copper 

c. 1 km = 1000 m d. 25 computers 

59. Round off each of these measurements to three 

significant figures. 

a. 98.473 L b. 0.000 763 21 eg 

c. 57.048 m d. 12.17°C 

60. Round off each of the answers correctly. 

a. 8.7 g + 15.43 g + 19 g = 43.13 g 

b. 853.2 L - 627.443 L = 225.757 L 

c. 38.742 kg -h 0.421 = 92.023 75 kg 

d. 5.40 m X 3.21 m X 1.871 m = 32.431 914 m3 

61. Express each of the rounded-off answers in 

Questions 59 and 60 in scientific notation. 

62. How are the error and the percent error of a 

measurement calculated? 

3.2 The International System of Units 

63. List the SI base unit of measurement for each of 

these quantities. 

a. time b. length 

c. temperature d. mass 

64. Order these units from smallest to largest: cm, 

pm, km, mm, m, nm, dm, pm. Then give each 

measurement in terms of meters. 

65. Measure each of the following dimensions using 

a unit with the appropriate prefix. 

a. the height of this letter I 

b. the width of Table 3.3 

c. the height of this page 

66. The melting point of silver is 962°C. Express this 

temperature in kelvins. 

3.3 Conversion Problems 

67. What is the name given to a ratio of two equiva¬ 

lent measurements? 

68. What must be true for a ratio of two measure¬ 

ments to be a conversion factor? 

69. How do you know which unit of a conversion 

factor must be in the denominator? 

70. Make the following conversions. 

a. 157 cs to seconds 

b. 42.7 L to milliliters 

c. 261 nm to millimeters 

d. 0.065 km to decimeters 

e. 642 eg to kilograms 

f. 8.25 X 102 eg to nanograms 

71. Make the following conversions. 

a. 0.44 rnL/min to microliters per second 

b. 7.86 g/cm2 to milligrams per square 

millimeter 

c. 1.54 kg/L to grams per cubic centimeter 

72. How many milliliters are contained in 1 m3? 

73. Complete this table so that all the measurements 

in each row have the same value. 

mg g eg kg 

(a) (b) 28.3 (0 

6.6 X 103 (d) (e) (f) 

(g) 2.8 X 10-4 (h) (i) 

3.4 Density 

74. What equation is used to determine the density 

of an object? 

75. Would the density of a person be the same on the 

surface of Earth and on the surface of the moon? 

Explain. 

76. A shiny, gold-colored bar of metal weighing 

57.3 g has a volume of 4.7 cm3. Is the bar of metal 

pure gold? 

77. Three balloons filled with neon, carbon dioxide, 

and hydrogen are released into the atmosphere. 

Using the data in Table 3.6 on page 90, describe 

the movement of each balloon. 
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Understanding Concepts 

78. List two possible reasons for reporting precise, 

but inaccurate, measurements. 

79. Rank these numbers from smallest to largest, 

a. 5.3 X 104 b. 57 X 103 

c. 4.9 X 1(T2 d. 0.0057 

e. 5.1 X 10"3 f. 0.0072 X 102 

80. Comment on the accuracy and precision of these 

basketball free-throw shooters. 

a. 99 of 100 shots are made. 

b. 99 of 100 shots hit the front of the rim and 

bounce off. 

c. 33 of 100 shots are made; the rest miss. 

81. Fahrenheit is a third temperature scale. Plot the 

data in the table and use the graph to derive an 

equation for the relationship between the Fahr¬ 

enheit and Celsius temperature scales. 

Example °C °F 

Melting point of selenium 221 430 

Boiling point of water 100 212 

Normal body temperature 37 98.6 

Freezing point of water 0 32 

Boiling point of chlorine -34.6 -30.2 

82. Which would melt first, germanium with a melt¬ 

ing point of 1210 K or gold with a melting point 

of1064°C? 

83. Write six conversion factors involving these units 

of measure: 1 g = 102 eg = 103 mg. 

84. A 2.00-kg sample of bituminous coal is composed 

of 1.30 kg of carbon, 0.20 kg of ash, 0.15 kg of 

water, and 0.35 kg of volatile (gas-forming) mate¬ 

rial. Using this information, determine how many 

kilograms of carbon are in 125 kg of this coal. 

85. A piece of wood sinks in ethanol but floats in 

gasoline. Give a range of possible densities for 

the wood. 

86. The density of dry air measured at 25°C is 

1.19 X 10~3 g/cm3. What is the volume of 50.0 g 

of air? 

87. A flask that can hold 158 g of water at 4°C can 

hold only 127 g of ethanol at the same tempera¬ 

ture. What is the density of ethanol? 

88. A watch loses 0.15 s every minute. How many 

minutes will the watch lose in 1 day? 

89. A tank measuring 28.6 cm by 73.0 mm by 0.72 m 

is filled with olive oil. The oil in the tank has a 

mass of 1.38 x 104 g. What is the density of olive 

oil in kilograms per liter? 

90. Alkanes are a class of molecules that have the 

general formula C„H2n+2, where n is an integer 

(whole number). The table below gives the boil¬ 

ing points for the first five alkanes with an odd 

number of carbon atoms. Using the table, con¬ 

struct a graph with number of carbon atoms on 

the x-axis. 

Boiling point (°C) Number of carbon atoms 

-162.0 1 

-42.0 3 

36.0 5 

98.0 7 

151.0 9 

a. What are the approximate boiling points for 

the C2, C4, C6, and C8 alkanes? 

b. Which of these nine alkanes are gases at room 

temperature (20°C)? 

c. How many of these nine alkanes are liquids at 

350 K? 

d. What is the approximate increase in boiling 

point per additional carbon atom in these 

alkanes? 

91. Earth is approximately 1.5 X 108 km from the 

sun. How many minutes does it take light to 

travel from the sun to Earth? The speed of light is 

3.0 X 108 m/s. 

92. What is the mass of a cube of aluminum that is 

3.0 cm on each edge? The density of aluminum 

is 2.7 g/cm3. 

93. The average density of Earth is 5.52 g/cm3. 

Express this density in units of kg/dm3. 

94. How many kilograms of water (at 4°C) are 

needed to fill an aquarium that measures 

40.0 cm by 20.0 cm by 30.0 cm? 
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Assessment continued 

Critical Thinking Concept Challenge 

95. Is it possible for an object to lose weight but at 

the same time not lose mass? Explain. 

96. One of the first mixtures of metals, called amal¬ 

gams, used by dentists for tooth fillings con¬ 

sisted of 26.0 g of silver, 10.8 g of tin, 2.4 g of 

copper, and 0.8 g of zinc. How much silver is in 

a 25.0 g sample of this amalgam? 

97. A cheetah can run 112 km/h over a 100-rn dis¬ 

tance. What is this speed in meters per second? 

98. You are hired to count the number of ducks on 

three northern lakes during the summer. In 

the first lake, you estimate 500,000 ducks, 

in the second 250,000 ducks, and in the third 

100,000 ducks. You write down that you have 

counted 850,000 ducks. As you drive away, you 

see 15 ducks fly in from the south and land on 

the third lake. Do you change the number of 

ducks that you report? Justify your answer. 

99. What if ice were more dense than water? It 

would certainly be easier to pour water from a 

pitcher of ice cubes and water. Can you imagine 

situations of more consequence? 

100. Why is there a range of values given for the 

density of gasoline on Table 3.6 on page 90? 

101. Plot these data that show how the mass of sulfur 

increases with an increase in volume. Determine 

the density of sulfur from the slope of the line. 

Volume of sulfur (cm3) Mass of sulfur (g) 
11.4 23.5 

29.2 60.8 
55.5 115 
81.1 168 

102. At 20°C, the density of air is 1.20 g/L. Nitrogen’s 

density is 1.17 g/L. Oxygen’s density is 1.33 g/L. 

a. Will balloons filled with oxygen and balloons 

filled with nitrogen rise or sink in air? 

b. Air is mainly a mixture of nitrogen and oxy¬ 

gen. Which gas is the main component? 

Explain. 

103. The mass of a cube of iron is 355 g. Iron has a 

density of 7.87 g/cm3. What is the mass of a 

cube of lead that has the same dimensions? 

104. Sea water contains 8.0 x 10“1 eg of the element 

strontium per kilogram of sea water. Assuming 

that all the strontium could be recovered, how 

many grams of strontium could be obtained 

from one cubic meter of sea water? Assume the 

density of sea water is 1.0 g/mL. 

105. The density of dry air at 20°C is 1.20 g/L. What 

is the mass of air, in kilograms, of a room that 

measures 25.0 m by 15.0 m by 4.0 m? 

106. Different volumes of the same liquid were 

added to a flask on a balance. After each addi¬ 

tion of liquid, the mass of the flask with th e 

liquid was measured. Graph the data using 

mass as the dependent variable. Use the graph 

to answer these questions. 

Volume (mL) Mass (g) 

14 103.0 

27 120.4 

41 139.1 

55 157.9 

82 194.1 

a. W/hat is the mass of the flask? 

b. What is the density of the li quid? 

107. A 34.5-g gold nugget is dropped into a gradu¬ 

ated cylinder containing water. By how many 

milliliters does the measured volume increase? 

The density of water is 1.0 g/mL. The density of 

gold is 19.3 g/cm3. 

108. Equal amounts of mercury, water, and corn oil 

are added to a beaker. 

a. Describe the arrangement of the layers of 

liquids in the beaker. 

b. A small sugar cube is added to the beaker. 

Describe its location. 

c. WTiat change will occur to the sugar cube 

over time? 
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Standardized Test Prep 

Test-Taking Tip 
Interpreting Diagrams Diagrams present infor¬ 

mation in a visual format. Before you answer 

questions about a diagram, be sure to study the 

diagram carefully. Ask yourself some questions: 

What is the diagram showing? What does the dia¬ 

gram tell me? 

Select the choice that best answers each question or 

completes each statement. 

1. Which of these series of units is ordered from 

smallest to largest? 

a. pg, eg, mg, kg 

b. mm, dm, m, km 

c. ps, ns, cs, s 

d. nL, mL, dL, cL 

2. Which answer represents the measurement 

0.00428 g rounded to two significant figures? 

a. 4.28 X 10* 1 2 3 g b. 4.3 X 10”3 g 

c. 4.3Xl03g d. 4.0 X 10~3 g 

3. An over-the-counter medicine has 325 mg of its 

active ingredient per tablet. How many grams 

does this mass represent? 

a. 325,000 g b. 32.5 g 

c. 3.25 g d. 0.325 g 

4. If 104 5 pm = 1 cm, how many pm3 = 1 cm3? 

a. 104 b. 106 * 

c. 108 d. 1012 

5. How many meters does a car moving at 95 km/h 

travel in 1.0 s? 

a. 1.6 m b. 340 m 

c. 1600 m d. 26 m 

6. If a substance contracts when it freezes, its 

a. density will remain the same. 

b. density will increase. 

c. density will decrease. 

d. change in density cannot be predicted. 

For Questions 7-9, identify the known and the 

unknown. Include units in your answers. 

7. The density of water is 1.0 g/mL. How many 

deciliters of water will fill a 0.5-L bottle? 

8. A clock loses 4 minutes every" day. How many 

seconds does the clock lose in 1 minute? 

9. A graduated cylinder contains 44.2 mL of water. 

A 48.6-g piece of metal is carefully dropped into 

the cylinder. When the metal is completely cov¬ 

ered with water, the water rises to the 51.3-mL 

mark. What is the density of the metal? 

Use the atomic windows below to answer Questions 

10 and 11. 

The atomic windows represent particles of the same 

gas occupying the same volume at the same temper¬ 

ature. The systems differ only in the number of gas 

particles per unit volume. 

10. List the windows in order of decreasing density. 

11. Compare the density of the gas in window (a) to 

the density of the gas in window (b). 

For each question there are two statements. Decide whether each statement 

is true or false. Then decide whether Statement II is a correct explanation for 

Statement I. 
Statement I Statement II 

12. There are five significant figures in the BECAUSE 

measurement 0.00450 m. 

13. Precise measurements will always be BECAUSE 

accurate measurements. 

14. A temperature in kelvins is always numer- BECAUSE 

ically larger than the same temperature in 

degrees Celsius. 

All zeros to the right of a decimal point in a 

measurement are significant. 

A value that is measured 10 times in a row 

must be accurate. 

A temperature in kelvins equals a temperature 

in degrees Celsius plus 273. 
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CHAPTER 

Activity 

Electric Charge 

Materials 

four 25-cm lengths of clear plastic tape and a metric 

ruler 

Procedure 

1. Firmly stick two of the 25-cm pieces of tape side- 

by-side, about 10 cm apart, on your desktop. Leave 

2 to 3 cm of tape sticking over the edge of the 

desk. Grasp the free ends of the tapes and pull 

sharply upward to peel the tape pieces off of 

the desk. Slowly bring the pieces, which have 

similar charges, toward one another. Record your 

observations. 

2. Pull the third and fourth pieces of tape between 

your thumb and forefinger several times, as if 

trying to clean each one. Slowly bring these two 

pieces of tape, which now have similar charges, 

toward one another. Record your observations. 

Think About It 

1. Predict what might happen if you brought a piece 

of tape pulled from your desktop close to a piece 

of tape pulled between your fingers.Try it, and see 

what happens. Explain your observations. 

2. Do you think the pieces of tape used in Step 1 have 

the same charge as those used in Step 2? Explain. 

A scanning tunneling 

microscope was used to 
produce this color-enhanced 

image of iron atoms. 
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4.1 Defining the Atom 
L 

Connecting to Your World |t often he|ps to take a closer 

look. For example, you might walk up to a sign or a poster in order to 

make out the details. Or you might bring a set of binoculars to a sports 

stadium so that you can zoom in on the action. 

The lab technician shown here is using a 

magnifying lens to examine a bacterial 

culture in a petri dish. Scientists use 

many different devices that enhance 

their ability to see. However, scientists 

can't always see the details of what they 

study. In such cases, scientists try to obtain 

experimental data that helps fill in the picture. 

Early Models of the Atom 
Have you ever been asked to believe in something you couldn’t see? Using 

your unaided eyes, you cannot see the tiny fundamental particles that 

make up matter. Yet all matter is composed of such particles, which are 

called atoms. An atom is the smallest particle of an element that retains its 

identity in a chemical reaction. 

The concept of the atom intrigued a number of early scholars. 

Although these philosophers and scientists could not observe individual 

atoms, they still were able to propose ideas on the structure of atoms. 

Guide for Reading 

Key Concepts 
• How did Democritus describe 

atoms? 

• How did John Dalton further 

Democritus's ideas on atoms? 

• What instruments are used to 

observe individual atoms? 

Vocabulary 
atom 

Dalton's atomic theory 

Reading Strategy 
Summarizing As you read about 

early atomic models, summarize 

the main ideas in the text that 

follow each red and blue heading. 

Democritus's Atomic Philosophy The Greek philosopher Democritus 

(460 B.C.-370 B.C.) was among the first to suggest the existence of atoms. 

Democritus believed that atoms were indivisible and indestructible. 

Although Democritus’s ideas agreed with later scientific theory, they did 

not explain chemical behavior. They also lacked experimental support 

because Democritus’s approach was not based on the scientific method. 

Figure 4.1 Democritus 
believed that matter consisted 

of tiny, indivisible, unchangeable 
particles called atoms. His ideas 
were later challenged by the 
Greek philosophers Plato and 

Aristotle. 
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Figure 4.2 According to 
Dalton's atomic theory, an 
element is composed of only one 
kind of atom, and a compound is 
composed of particles that are 
chemical combinations of 
different kinds of atoms. 
© Atoms of element A are 
identical. © Atoms of element B 

are identical, but differ from 
those of element A. Q Atoms of 
elements A and B can physically 

mix together. © Atoms of 
elements A and B can chemically 

combine to form a compound. 
Interpreting Diagrams How 
does a mixture of atoms of 
different elements differ from 
a compound? 

o © 

* ^ • • 

§ • • 

Atoms of element A Atoms of element B 

G © 

* * fc 

v • *> 
* 4> 

Mixture of atoms Compound made by chemically 
of elements A and B combining atoms 

of elements A and B 

Word Origins 
Atom comes from the Greek 

word atomos, meaning 

"indivisible." If the suffix -ize 

means "to become like," 

what do you think the word 

atomize means? 

Dalton's Atomic Theory The real nature of atoms and the connection 

between observable changes and events at the atomic level were not estab¬ 

lished for more than 2000 years after Democritus. The modern process of 

discovery regarding atoms began with John Dalton (1766-1844), an English 

chemist and schoolteacher. <T^ By using experimental methods, Dalton 

transformed Democritus’s ideas on atoms into a scientific theory. Dalton 

studied the ratios in which elements combine in chemical reactions. Based 

on the results of his experiments, Dalton formulated hypotheses and theo¬ 

ries to explain his observations. The result was Dalton's atomic theory, 

which includes the ideas illustrated in Figure 4.2 and listed below. 

1. All elements are composed of tiny indivisible particles called atoms. 

2. Atoms of the same element are identical. The atoms of any one element 

are different from those of any other element. 

3. Atoms of different elements can physically mix together or can chemi¬ 

cally combine in simple whole-number ratios to form compounds. 

4. Chemical reactions occur when atoms are separated, joined, or 

rearranged. Atoms of one element, however, are never changed into 

atoms of another element as a result of a chemical reaction. 

(^Checkpoint) What happens to atoms in a chemical reaction according to 

Dalton's atomic theory? 

102 Chapter 4 



Sizing up the Atom 
A coin the size of a penny and composed of pure copper (Cu) illustrates 

Dalton’s concept of the atom. Imagine grinding the copper coin into a 

fine dust. Each speck in the small pile of shiny red dust would still have 

the properties of copper. If by some means you could continue to make 

the copper dust particles smaller, you would eventually come upon a 

particle of copper that could no longer be divided and still have the 

chemical properties of copper. This final particle is an atom. 

Copper atoms are very small. A pure copper coin the size of a penny 

contains about 2.4 X 1022 atoms. By comparison, Earth’s population is 

only about 6 X 101 2 3 4 5 6 7 * 9 people. There are about 4 x 1012 times as many atoms 

in the coin as there are people on Earth. If you could 

line up 100,000,000 copper atoms side by side, they 

would produce a line only 1 cm long! 

The radii of most atoms fall within the range of 

5 X 10“um to 2 x l(T10m. Does seeing individual 

atoms seem impossible? Despite their small size, 

individual atoms are observable with instruments such 

as scanning tunneling microscopes. Figure 4.3 shows 

an image of iron atoms generated by a scanning tun¬ 

neling microscope. Individual atoms can even be 

moved around and arranged in patterns. The ability to 

move individual atoms holds future promise for the 

creation of atomic-sized electronic devices, such as cir¬ 

cuits and computer chips. This atomic-scale, or 

“nanoscale,” technology could become essential to 

future applications in medicine, communications, 

solar energy, and space exploration. 

Figure 4.3 Scientists used a 
scanning tunneling microscope 

to generate this image of iron 

atoms, shown in blue. The radius 
of this circle of atoms is just 
7.13 X 1<r9m. 

4.1 Section Assessment 

1. Key Concept How did Democritus 

characterize atoms? 

2. Key Concept How did Dalton advance the 

atomic philosophy proposed by Democritus? 

3. Key Concept What instrument can be used to 

observe individual atoms? 

4. In your own words, state the main ideas of 

Dalton’s atomic theory. 

5. According to Dalton’s theory, is it possible to 

convert atoms of one element into atoms of 

another? Explain. 

6. Describe the range of the radii of most atoms in 

nanometers (nm). 

7. A sample of copper with a mass of 63.5 g contains 

6.02 X 1023 atoms. Calculate the mass of a single 

copper atom. 

Connecting Concepts 

Scientific Methods Reread the description of scien 
tific methods in Section 1.3. Explain why the ideas 
on atoms proposed by Dalton constitute a theory, 

while the ideas proposed by Democritus do not. 

o 

r 
^ Textbook 

Assessment 4.1 Test yourself 
on the concepts in Section 4.1. 

>_with ChemASAP 
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7i Structure of the Nuclear Atom 

Guide for Reading 

Key Concepts 
• What are three kinds of 

subatomic particles? 

• How can you describe the 

structure of the nuclear atom? 

Vocabulary 
electrons 

cathode ray 

protons 

neutrons 

nucleus 

Reading Strategy 
Comparing and Contrasting 
When you compare and contrast 

things,you examine how they are 

alike and different. As you read, 

compare different subatomic 

particles by listing similarities 

and differences. 

Connecting to Your World A simple but important device 

first used by scientists in the late nineteenth century, the cathode-ray tube 

would achieve its greatest fame as the picture 

tube of the common television set.Today, 

cathode-ray tubes are found in TVs, 

computer monitors, and many other 

devices with electronic displays. But 

more than 100 years ago, scientists 

were the only ones staring into the 

glow of a cathode-ray tube.Their obser¬ 

vations provided important evidence 

about the structure of atoms. 

Subatomic Particles 
Much of Dalton’s atomic theory is accepted today. One important change, 

however, is that atoms are now known to be divisible. They can be broken 

down into even smaller, more fundamental particles, called subatomic 

particles. Three kinds of subatomic particles are electrons, protons, 

and neutrons. 

Electrons In 1897, the English physicist J. J. Thomson (1856-1940) dis¬ 

covered the electron. Electrons are negatively charged subatomic particles. 

Thomson performed experiments that involved passing electric current 

through gases at low pressure. He sealed the gases in glass tubes fitted at 

both ends with metal disks called electrodes. The electrodes were con¬ 

nected to a source of electricity, as shown in Figure 4.4. One electrode, the 

anode, became positively charged. The other electrode, the cathode, 

became negatively charged. The result was a glowing beam, or cathode ray, 

that traveled from the cathode to the anode. 

Figure 4.4 In a cathode-ray 

tube, electrons travel as a ray 
from the cathode (-) to the 

anode (+). A television tube 
is a specialized type of 
cathode-ray tube. 

High voltage 
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High voltage 
a 

Positive 
plate 

Vacuum pump 
Negative 
plate 

Figure 4.5 Thomson examined 
two ways that a cathode ray can 
be deflected: © by using a 

magnet, and © by using 

electrically charged plates. 
Inferring If a cathode ray is 

attracted to a positively 

charged plate, what can you 

infer about the charge of the 
particles that make up the 
cathode ray? 

! 

Figure 4.5a shows how a cathode ray is deflected by a magnet. A cath¬ 

ode ray is also deflected by electrically charged metal plates, as shown in 

Figure 4.5b. A positively charged plate attracts the cathode ray, while a neg¬ 

atively charged plate repels it. Thomson knew that opposite charges attract 

and like charges repel, so he hypothesized that a cathode ray is a stream of 

tiny negatively charged particles moving at high speed. Thomson called 

these particles corpuscles; later they were named electrons. 

To test his hypothesis, Thomson set up an experiment to measure the 

ratio of the charge of an electron to its mass. Fie found this ratio to be con¬ 

stant. In addition, the charge-to-mass ratio of electrons did not depend on 

the kind of gas in the cathode-ray tube or the type of metal used for the 

electrodes. Thomson concluded that electrons must be parts of the atoms 

of all elements. 

The U.S. physicist Robert A. Millikan (1868-1953) carried out experi¬ 

ments to find the quantity of charge carried by an electron. Using this value 

and the charge-to-mass ratio of an electron measured by Thomson, 

Millikan calculated the mass of the electron. Millikan’s values for electron 

charge and mass, reported in 1916, are very similar to those accepted 

today. An electron carries exactly one unit of negative charge, and its mass 

is 1/1840 the mass of a hydrogen atom. 

(^fcheckpoint) How do negatively charged plates affect the path of 

cathode rays? 

^Hnks 
For: Links on JJ.Thomson 
Visit: www.SciLinks.org 
Web Code: cdn-1042 
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Properties of Subatomic Particles 

Particle Symbol 

Relative 
charge 

Relative mass 
(mass of proton = 1) 

Actual mass 

(g) 

Electron 1- 1/1840 9.11 X 10“28 

Proton P+ 1 + 1 1.67 x 10“24 

Neutron n° 0 1 1.67 X 10“24 

Figure 4.6 Born in New Zealand, 
Ernest Rutherford was awarded 

the Nobel Prize for Chemistry in 
1908. His portrait appears on the 
New Zealand $100 bill. 

Protons and Neutrons If cathode rays are electrons given off by atoms, 

what remains of the atoms that have lost the electrons? For example, after a 

hydrogen atom (the lightest kind of atom) loses an electron, what is left? 

You can think through this problem using four simple ideas about matter 

and electric charges. First, atoms have no net electric charge; they are elec¬ 

trically neutral. (One important piece of evidence for electrical neutrality is 

that you do not receive an electric shock every time you touch something!) 

Second, electric charges are carried by particles of matter. Third, electric 

charges always exist in whole-number multiples of a single basic unit; that 

is, there are no fractions of charges. Fourth, when a given number of nega¬ 

tively charged particles combines with an equal number of positively 

charged particles, an electrically neutral particle is formed. 

Considering all of this information, it follows that a particle with one 

unit of positive charge should remain when a typical hydrogen atom loses 

an electron. Evidence for such a positively charged particle was found in 

1886, when Eugen Goldstein (1850-1930) observed a cathode-ray tube and 

found rays traveling in the direction opposite to that of the cathode rays. 

He called these rays canal rays and concluded that they were composed of 

positive particles. Such positively charged subatomic particles are called 

protons. Each proton has a mass about 1840 times that of an electron. 

In 1932, the English physicist James Chadwick (1891-1974) confirmed 

the existence of yet another subatomic particle: the neutron. Neutrons are 

subatomic particles with no charge but with a mass nearly equal to that of a 

proton. Table 4.1 summarizes the properties of these subatomic particles. 

Although protons and neutrons are exceedingly small, theoretical physi¬ 

cists believe that they are composed of yet smaller subnuclear particles 

called quarks. 

The Atomic Nucleus 
When subatomic particles were discovered, scientists wondered how these 

particles were put together in an atom. This was a difficult question to 

answer, given how tiny atoms are. Most scientists—including J J. Thomson, 

the discoverer of the electron—thought it likely that the electrons were 

evenly distributed throughout an atom filled uniformly with positively 

charged material. In Thomson’s atomic model, known as the “plum¬ 

pudding model,” electrons were stuck into a lump of positive charge, 

similar to raisins stuck in dough. This model of the atom turned out to be 

short-lived, however, due to the groundbreaking work of Ernest Rutherford 

(1871-1937), a former student of Thomson. 
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Figure 4.7 Rutherford's gold-foil 

experiment yielded evidence of 
the atomic nucleus. © Rutherford 

and his coworkers aimed a beam 

of alpha particles at a sheet of 

gold foil surrounded by a 
fluorescent screen. Most of the 

particles passed through the foil 
with no deflection at all. A few 

particles were greatly deflected. 

© Rutherford concluded that 
most of the alpha particles pass 

through the gold foil because the 

atom is mostly empty space. The 
mass and positive charge are 

concentrated in a small region of 
the atom. Rutherford called this 

region the nucleus. Particles that 
approach the nucleus closely are 

greatly deflected. 

Rutherford's Gold-Foil Experiment In 1911, Rutherford and his 

coworkers at the University of Manchester, England, decided to test what 

was then the current theory of atomic structure. Their test used relatively 

massive alpha particles, which are helium atoms that have lost their two 

electrons and have a double positive charge because of the two remaining 

protons. In the experiment, illustrated in Figure 4.7, a narrow beam of 

alpha particles was directed at a very thin sheet of gold foil. According to 

the prevailing theory, the alpha particles should have passed easily through 

the gold, with only a slight deflection due to the positive charge thought to 

be spread out in the gold atoms. 

To everyone’s surprise, the great majority of alpha particles passed 

straight through the gold atoms, without deflection. Even more surpris¬ 

ingly, a small fraction of the alpha particles bounced off the gold foil at very 

large angles. Some even bounced straight back toward the source. Ruther¬ 

ford later recollected, “This is almost as incredible as if you fired a 15-inch 

shell at a piece of tissue paper and it came back and hit you.” 

The Rutherford Atomic Model Based on his experimental results, 

Rutherford suggested a new theory of the atom. He proposed that the atom 

is mostly empty space, thus explaining the lack of deflection of most of the 

alpha particles. He concluded that all the positive charge and almost all the 

mass are concentrated in a small region that has enough positive charge to 

account for the great deflection of some of the alpha particles. He called 

this region the nucleus. The nucleus is the tiny central core of an atom and 

is composed of protons and neutrons. 

o 

Textbook 

Animation 4 Take a look at 
Rutherford's gold-foil experiment, 
its results, and its conclusions. 

_with ChemASAP 
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Using Inference: The Black Box 

Purpose 

To determine the shape 

of a fixed object inside 

a sealed box without 

opening the box. 

Materials 

• box containing a 
regularly shaped object 
fixed in place and a 
loose marble 

Procedure 

1. Do not open the box. 

2. Manipulate the box so that 

the marble moves around the fixed 

object. 

3. Gather data (clues) that describe the 

movement of the marble. 

4. Sketch a picture of the object in the 

box, showing its shape, size, and 

location within the box. 

5. Repeat this activity with a different 

box containing a different object. 

Analysis and Conclusions 

1. Find a classmate who had the same 

lettered box that you had, and 

compare your findings. 

2. What experiment that contributed to 

a better understanding of the atom 

does this activity remind you of? 

The Rutherford atomic model is known as the nuclear atom. o In the 

nuclear atom, the protons and neutrons are located in the nucleus. The 

electrons are distributed around the nucleus and occupy almost all the 

volume of the atom. According to this model, the nucleus is tiny compared 

with the atom as a whole. If an atom were the size of a football stadium, the 

nucleus would be about the size of a marble. 

Although it was an improvement over Thomson’s model of the atom, 

Rutherford’s model turned out to be incomplete. In Chapter 5, you will 

learn how the Rutherford atomic model had to be revised in order to 

explain the chemical properties of elements. 

4.2 Section Assessment 

8. Key Concept What are three types of 

subatomic particles? 

9. Key Concept How does the Rutherford model 

describe the structure of atoms? 

10. What are the charges and relative masses of the 

three main subatomic particles? 

11. Describe Thomson’s and Millikan’s contributions 

to atomic theory. 

12. Compare Rutherford’s expected outcome of the 

gold-foil experiment with the actual outcome. 

13. What experimental evidence led Rutherford to 

conclude that an atom is mostly empty space? 

14. How did Rutherford’s model of the atom differ 

from Thomson’s? 

Writing Activity 

Explanatory Paragraph Write a paragraph explain 

ing how Rutherford's gold-foil experiment yielded 

new evidence about atomic structure. Hint: First 
describe the setup of the experiment.Then explain 

how Rutherford interpreted his experimental data. 

9 

^^JBXibook 

Assessment 4.2 Test yourself 
on the concepts in Section 4.2. 

__with ChemASAP 
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Technology & Society 

Electron Microscopy 

Within 30 years of JJ.Thomson's discovery of the electron, 

scientists were studying how to produce images of objects 

by using an electron beam.In 1931,German scientists Ernst 

Ruska and Max Knoll built the first electron microscope. 

While an ordinary light microscope uses a beam of light and 

lenses to magnify objects,an electron microscope uses an 

electron beam and "lenses" consisting of magnetic or electric 

fields. A typical light microscope is capable of magnifying an 

object 1000 times. An electron microscope can magnify an 

object over 100,000 times. Interpreting Photographs What 

characteristics of the images below provide the viewer with a 

sense of scale? 
Biochemistry A scientist uses 

an electron microscope to look 

at the surface of DNA molecules. 

Biology A dust mite 

{Dermatophagoides pteronyssinus), 

smaller than the period at the end 

of this sentence, sits on the point of 

a sewing needle. 

Microelectronics In the colorized electron 

micrograph below, a wood ant (Formica 

fusca), about 5 mm long, holds a microchip 
in its jaws. Microelectronics engineers use 

electron microscopes to measure and 

analyze the characteristics of microcircuits. 
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Distinguishing Among Atoms 

Guide for Reading 

Key Concepts 
• What makes one element 

different from another? 

• How do you find the number of 

neutrons in an atom? 

• How do isotopes of an element 

differ? 

• How do you calculate the 

atomic mass of an element? 

• Why is a periodic table useful? 

Vocabulary 
atomic number 

mass number 

isotopes 

atomic mass unit (amu) 

atomic mass 

periodic table 

period 

group 

Reading Strategy 
Building Vocabulary As you 

read the section, write a definition 

of each vocabulary term in your 

own words. 

Connecting to Your World Fruits and veget3bles come in 

different varieties. For example, a grocery store might sell three varieties 

of apples: Granny Smith, Red Delicious, and Golden 

Delicious. Apple varieties can differ in color, 

size, texture, aroma, and taste. Just as apples 

come in different varieties, a chemical ele¬ 

ment can come in different "varieties" 

called isotopes. In this section, you will 

learn how one isotope of an element 

differs from another. 

Atomic Number 
Atoms are composed of protons, neutrons, and electrons. Protons and neu¬ 

trons make up the nucleus. Electrons surround the nucleus. How, then, are 

atoms of hydrogen, for example, different from atoms of oxygen? Look at 

Table 4.2. Notice that a hydrogen atom has one proton, but an oxygen atom 

has eight protons. Elements are different because they contain differ¬ 

ent numbers of protons. 

The atomic number of an element is the number of protons in the 

nucleus of an atom of that element. Because all hydrogen atoms have one 

proton, the atomic number of hydrogen is 1. Similarly, because all oxygen 

atoms have eight protons, the atomic number of oxygen is 8. The atomic 

number identifies an element. For each element listed in Table 4.2, the 

number of protons equals the number of electrons. Remember that atoms 

are electrically neutral. Thus, the number of electrons (negatively charged 

particles) must equal the number of protons (positively charged particles). 

blame Symbol 
Atomic 
number 

. 
Protons Neutrons* 

Mass 
number 

Number of 
electrons 

Hydrogen H 1 1 0 1 1 
Helium He 2 2 2 4 2 
Lithium Li 3 3 4 7 3 
Beryllium Be 4 4 5 9 4 
Boron B 5 5 6 11 5 
Carbon C 6 6 6 12 6 
Nitrogen N 7 7 7 14 7 
Oxygen 0 8 8 8 16 8 
Fluorine F 9 9 10 19 9 
Neon Ne 10 10 10 20 10 

Number of neutrons in the most abundant isotope. Isotopes are introduced later in Section 4.3. 
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CONCEPTUAL PROBLEM 4.1 

Understanding Atomic Number 

The element nitrogen (N), shown here in liquid form, has an atomic 

number of 7. How many protons and electrons are in a neutral nitro¬ 

gen atom? 

Analyze Identify the relevant concepts. 

The atomic number gives the number of 

protons, which in a neutral atom equals the 

number of electrons. 

Solve Apply the concepts to this problem. 

The atomic number of nitrogen is 7, which 

means that a neutral nitrogen atom has 

7 protons and 7 electrons. 

Practice Problems 

15. Complete the table. 16. 

Element 
Atomic 
number Protons Electrons 

K 19 (a) 19 

(b) (c) (d) 5 

S 16 (e) (f) 
V (g) 23 (h) 

How many protons and electrons are in each 

atom? 

a. fluorine (atomic number = 9) 

calcium (atomic number = 20) 

aluminum (atomic number = 13) 

b. 

c. 

Mass Number 
You know that most of the mass of an atom is concentrated in its nucleus 

and depends on the number of protons and neutrons. The total number of 

protons and neutrons in an atom is called the mass number. Look again at 

Table 4.2 and note the mass numbers of helium and carbon. A helium atom 

has two protons and two neutrons, so its mass number is 4. A carbon atom, 

which has six protons and six neutrons, has a mass number of 12. 

If you know the atomic number and mass number of an atom of any 

element, you can determine the atom’s composition. Table 4.2 shows that 

an oxygen atom has an atomic number of 8 and a mass number of 16. 

Because the atomic number equals the number of protons, which equals 

the number of electrons, an oxygen atom has eight protons and eight elec¬ 

trons. The mass number of oxygen is equal to the number of protons plus 

the number of neutrons. The oxygen atom, then, has eight neutrons, which 

is the difference between the mass number and the atomic number 

(16-8 = 8). The number of neutrons in an atom is the difference 

between the mass number and atomic number. 

Number of neutrons = mass number - atomic number 

' Textbook 

Problem-Solving 4.15 Solve 
Problem 15 with the help of an 
interactive guided tutorial. 

-with ChemASAP 

The composition of any atom can be represented in shorthand nota¬ 

tion using atomic number and mass number. Figure 4.8 shows how an 

atom of gold is represented using this notation. The chemical symbol Au 

appears with two numbers written to its left. The atomic number is the 

subscript. The mass number is the superscript. 

You can also refer to atoms by using the mass number and the name 

of the element. For example, *^Au may be written as gold-197. 

Figure 4.8 Au is the chemical 
symbol for gold. Applying 

Concepts How many electrons 
does a gold atom have? 

(^Checkpoint) How do you calculate mass number? 

197 
79 AU 

SlA m 
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Problem-Solving 4.17 

Solve Problem 17 with the help 
of an interactive guided tutorial. 

>-- with ChemASAP 

SAMPLE PROBLEM 4.1 

^Determining the Composition of an Atom 

How many protons, electrons, and neutrons are in each atom? 

a. Beryllium (Be) 

b. Neon (Ne) 

c. Sodium (Na) 

Atomic number 

4 

10 

11 

Mass number 

9 

20 

23 

3 Analyze List the knowns and the unknowns. 

Knowns Unknowns 

• atomic number • number of protons = ? 

• mass number • number of electrons = ? 

• number of neutrons = ? 

Use the definitions of atomic number and mass number to calculate 

the numbers of protons, electrons, and n eutrons. 

(&a Calculate Solve for the unknowns. 

number of electrons = atomic number 

a. 4 b. 10 c. 11 

number of protons = atomic number 

a. 4 b. 10 c. 11 

number of neutrons = mass number-atomic number 

a. 9 - 4 = 5 b. 20 - 10 = 10 c. 23 - 11 = 12 

(3 Evaluate Do the results make sense? 

For each atom, the mass number equals the number of protons plus 

the number of neutrons. The results make sense. 

Practice Problems 

17. How many neutrons are in each atom? 

a. !®0 b. s c. Ag 

d. 80Br 207 pb 82 f U 

18. Use Table 4.2 to express the composition of each atom in 

shorthand form. 

a. carbon-12 b. fluorine-19 c. beryllium-9 

Isotopes 
Figure 4.9 shows that there are three different kinds of neon atoms. How 

do these atoms differ? All have the same number of protons (10) and 

electrons (10), but they each have different numbers of neutrons. Isotopes 

are atoms that have the same number of protons but different numbers of 

neutrons. Because isotopes of an element have different numbers of 

neutrons, they also have different mass numbers. Despite these differ¬ 

ences, isotopes are chemically alike because they have identical numbers 

of protons and electrons, which are the subatomic particles responsible for 

chemical behavior. 
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Neon-20 

10 protons 
10 neutrons 
10 electrons 

Neon-21 

10 protons 
11 neutrons 
10 electrons 

Neon-22 

10 protons 
12 neutrons 
10 electrons 

There are three known isotopes of hydrogen. Each isotope of hydro¬ 

gen has one proton in its nucleus. The most common hydrogen isotope 

has no neutrons. It has a mass number of 1 and is called hydrogen-1 (JH) 

or simply hydrogen. The second isotope has one neutron and a mass 

number of 2. It is called either hydrogen-2 (jH) or deuterium. The third 

isotope has two neutrons and a mass number of 3. This isotope is called 

hydrogen-3 (fH) or tritium. 

Figure 4.9 Neon-20, neon-21, 
and neon-22 are three isotopes 

of neon, a gaseous element used 
in lighted signs. Comparing 
and Contrasting How are 

these isotopes different? How 
are they similar? 

(Vfeheckpoint} What are three known isotopes of hydrogen? 

CONCEPTUAL PROBLEM 4.2 

Writing Chemical Symbols of Isotopes 
Diamonds are a naturally occurring form of elemental carbon. 

Two stable isotopes of carbon are carbon-12 and carbon-13. Write 

the symbol for each isotope using superscripts and subscripts to 

represent the mass number and the atomic number. 

Q Analyze Identify the relevant concepts. Solve Apply the concepts to this problem. 

Isotopes are atoms that have the same num¬ 

ber of protons but different numbers of neu¬ 

trons. The composition of an atom can be 

expressed by writing the chemical symbol, 

with the atomic number as a subscript and the 

mass number as a superscript. 

Based on Table 4.2, the symbol for carbon is C 

and the atomic number is 6. The mass number 

for each isotope is given by its name. For 

carbon-12, the symbol is For carbon-13, 

the symbol is ^C. 

Practice Problems 

19. Three isotopes of oxygen are oxygen-16, 

oxygen-17, and oxygen-18. Write the symbol 

for each, including the atomic number and 

mass number. 

20. Three isotopes of chromium are chromium-50, 

chromium-52, and chromium-53. How many 

neutrons are in each isotope, given that 

chromium has an atomic number of 24? 

9 

r Jfeteractive 
^Textbook 

Problem-Solving 4.20 

Solve Problem 20 with the help 
of an interactive guided tutorial. 

___with ChemASAP 
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Atomic Mass 
A glance back at Table 4.1 on page 106 shows that the actual mass of a pro¬ 

ton or a neutron is very small (1.67 X 10~24 g). The mass of an electron is 

9.11 X 10-28g, which is negligible in comparison. Given these values, the 

mass of even the largest atom is incredibly small. Since the 1920s, it has 

been possible to determine these tiny masses by using a mass spectro¬ 

meter. With this instrument, the mass of a fluorine atom was found to be 

3.155 x 10~23 g, and the mass of an arsenic atom was found to be 

1.244 x 10^22 g. Such data about the actual masses of individual atoms can 

provide useful information, but, in general, these values are inconveniently 

small and impractical to work with. Instead, it is more useful to compare 

the relative masses of atoms using a reference isotope as a standard. The 

isotope chosen is carbon-12. This isotope of carbon was assigned a mass of 

exactly 12 atomic mass units. An atomic mass unit (amu) is defined as one 

twelfth of the mass of a carbon-12 atom. Using these units, a helium-4 

atom, with a mass of 4.0026 amu, has about one-third the mass of 

a carbon-12 atom. On the other hand, a nickel-60 atom has about five 

times the mass of a carbon-12 atom. 

A carbon-12 atom has six protons and six neutrons in its nucleus, and 

its mass is set as 12 amu. The six protons and six neutrons account for 

nearly all of this mass. Therefore the mass of a single proton or a single 

Crystalline sulfur 

Table 4.3 

Natural Percent Abundance of Stable Isotopes of Some Elements 

Natural Mass Average 
Name Symbol percent abundance (amu) atomic mass 

Hydrogen 99.985 1.0078 

?H 0.015 2.0141 1.0079 

?H negligible 3.0160 

Helium 2He 0.0001 3.0160 
4.0026 

4He 99.9999 4.0026 

Carbon 12c 98.89 12.000 0 
12.011 

136c 1.11 13.003 

Nitrogen 14N 99.63 14.003 
14.007 ' 

1f N 0.37 15.000 

Oxygen 

0
0
 0

5
 

O
 

99.759 15.995 

0.037 16.995 15.999 

o
 

0
0
 0

0
 0.204 17.999 

Sulfur 32C 
16° 95.002 31.972 

330 
16° 0.76 32.971 

32.06 
34C 
16° 4.22 33.967 
36C 
16° 0.014 35.967 

Chlorine ??ci 75.77 34.969 
35.453 

17^1 24.23 36.966 
-.- - —. 
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Total number of protons 

in three Cl atoms and 

one 17CI atom 

<17+17 + 17+17)- 1 r 
68 + 74 

4 

Total number of neutrons 

in three if Cl atoms and 

one 17CI atom 

■(18 + 18 + 18 + 20) 

35.5 amu 

uni A® 

Weighted Average Mass of a Chlorine Atom 

neutron is about one-twelfth of 12 amu, or about 1 amu. Because the mass 

of any single atom depends mainly on the number of protons and neutrons 

in the nucleus of the atom, you might predict that the atomic mass of an 

element should be a whole number. However, that is not usually the case. 

In nature, most elements occur as a mixture of two or more isotopes. 

Each isotope of an element has a fixed mass and a natural percent abun¬ 

dance. Consider the three isotopes of hydrogen discussed earlier in this 

section. According to Table 4.3, almost all naturally occurring hydrogen 

(99.985%) is hydrogen-1. The other two isotopes are present in trace 

amounts. Notice that the atomic mass of hydrogen listed in Table 4.3 

(1.0079 amu) is very close to the mass of hydrogen-1 (1.0078 amu). The 

slight difference takes into account the larger masses, but smaller amounts, 

of the other two isotopes of hydrogen. 

Now consider the two stable isotopes of chlorine listed in Table 4.3: 

chlorine-35 and chlorine-37. If you calculate the arithmetic mean of these 

two masses ((34.969 amu + 36.966 amu) 12), you get an average atomic 

mass of 35.968 amu. However, this value is higher than the actual value of 

35.453. To explain this difference, you need to know the natural percent 

abundance of the isotopes of chlorine. Chlorine-35 accounts for 75% of the 

naturally occurring chlorine atoms; chlorine-37 accounts for only 25%. See 

Figure 4.10. The atomic mass of an element is a weighted average mass of 

the atoms in a naturally occurring sample of the element. A weighted aver¬ 

age mass reflects both the mass and the relative abundance of the isotopes 

as they occur in nature. 

Figure 4.10 Chlorine is a 
reactive element used to 
disinfect swimming pools. 

Chlorine occurs as two isotopes: 

chlorine-35 and chlorine-37. 
Because there is more 

chlorine-35 than chlorine-37, 

the atomic mass of chlorine, 
35.453 amu, is closer to 35 than 
to 37. Evaluating How does a 

weighted average differ from an 

arithmetic mean? 

C Go inline 
SCllNKS 

For: Links on Isotopes 
Visit: www.SciLinks.org 
Web Code: cdn-1043 

) Checkpoint") What is the atomic mass of an element? 
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CONCEPTUAL PROBLEM 4.3 

Using Atomic Mass to Determine the Relative Abundance 
of Isotopes 
The atomic mass of copper is 63.546 amu. Which of copper’s two 

isotopes is more abundant: copper-63 or copper-65? 

Analyze Identify the relevant concepts. Solve Apply the concepts to this problem. 

The atomic mass of an element is the weighted 

average mass of the atoms in a naturally 

occurring sample of the element. A weighted 

average mass reflects both the mass and the 

relative abundance of the isotopes as they 

occur in nature. 

The atomic mass of 63.546 amu is closer to 

63 than to 65. Because the atomic mass is a 

weighted average of the isotopes, copper-63 

must be more abundant than copper-65. 

Practice Problems 

21. Boron has two isotopes: boron-10 and boron- 

11. Which is more abundant, given that the 

atomic mass of boron is 10.81 amu? 

22. There are three isotopes of silicon; they have 

mass numbers of 28, 29, and 30. The atomic 

mass of silicon is 28.086 amu. Comment on the 

relative abundance of these three isotopes. 

@ 

^Textbook 

Problem-Solving 4.21 Solve 

Problem 21 with the help of an 

interactive guided tutorial. 

._with ChemASAP 

Now that you know that the atomic mass of an element is a weighted 

average of the masses of its isotopes, you can determine atomic mass 

based on relative abundance. To do this, you must know three values: the 

number of stable isotopes of the element, the mass of each isotope, and 

the natural percent abundance of each isotope. (T^ To calculate the 

atomic mass of an element, multiply the mass of each isotope by its 

natural abundance, expressed as a decimal, and then add the products. 

The resulting sum is the weighted average mass of the atoms of the element 

as they occur in nature. 

You can calculate the atomic masses listed in Table 4.3 based on the 

given masses and natural abundances of the isotopes for each element. For 

example, carbon has two stable isotopes: carbon-12, which has a natural 

abundance of 98.89%, and carbon-13, which has natural abundance of 

1.11%. The mass of carbon-12 is 12.000 amu; the mass of carbon-13 is 

13.003 amu. The atomic mass is calculated as follows. 

Atomic mass of carbon = (12.000 amu x 0.9889) + (13.003 amu X 0.0111) 

= 12.011 amu 

(yfeheckpoint) What three values must be known in order to calculate the 

atomic mass of an element? 
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SAMPLE PROBLEM 4.2 

Calculating Atomic Mass 

Element X has two natural isotopes. The isotope with a mass of 

10.012 amu (10X) has a relative abundance of 19.91%. The isotope with 

a mass of 11.009 amu (nX) has a relative abundance of 80.09%. Calcu¬ 

late the atomic mass of this element. 

f j ) Analyze List the knowns and the unknown. 

Knowns Unknown 

• isotope 10X: • atomic mass of element X = ? 

mass = 10.012 amu 

relative abundance = 19.91% = 0.1991 

• isotope nX: 

mass = 11.009 amu 

relative abundance = 80.09% = 0.8009 

The mass each isotope contributes to the element’s atomic mass can 

be calculated by multiplying the isotope’s mass by its relative abun¬ 

dance. The atomic mass of the element is the sum of these products. 

Calculate Solve for the unknown. 

for 10X: 10.012 amu x 0.1991 = 1.993 amu 

for nX: 11.009 amu x 0.8009 = 8.817 amu 

forelementX: atomic mass = 10.810 amu 

| Evaluate Does the result make sense? 

The calculated value is closer to the mass of the 

isotope, as would be expected. 

more abundant 

Practice Problems 

CHEMath 

Percents 

A percent is a shorthand way 
of expressing a fraction 

whose denominator is 100. 

For example, 85% is equiva¬ 

lent to 85/100 or 0.85. 

When working with per¬ 

cents, it is usually necessary 
to convert percents to frac¬ 

tions or decimals before 

using them in a calculation. 
For instance, if the natural 

percent abundance of an 

isotope is 35.6%, then there 

are 35.6 g of that isotope in 
100 g of the element. 

Math . Handbook 

For help with percents, go 
to page R72. 

23. The element copper has natu¬ 

rally occurring isotopes with 

mass numbers of 63 and 65. 

The relative abundance and 

atomic masses are 69.2% for 

mass = 62.93 amu, and 30.8% 

for mass = 64.93 amu. Calcu¬ 

late the average atomic mass 

of copper. 

24. Calculate the atomic mass of 

bromine. The two isotopes of 

bromine have atomic masses 

and relative abundance of 

78.92 amu (50.69%) and 

80.92 amu (49.31%). 

Bromine 

Textbook 
Problem-Solving 4.24 Solve 
Problem 24 with the help of an 
interactive guided tutorial. 

with ChemASAP 
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Figure 4.11 Elements are 
arranged in the modern periodic 

table in order of atomic number. 
Interpreting Diagrams How 

many elements are in Period 2? 
In Group2A? 

The Periodic Table—A Preview 
Now that you can differentiate between atoms of different elements and 

also between isotopes of the same element, you need to understand bow 

the elements are organized with respect to each other. A periodic table is an 

arrangement of elements in which the elements are separated into groups 

based on a set of repeating properties. A periodic table allows you to 

easily compare the properties of one element (or a group of elements) to 

another element (or group of elements). 

Figure 4.11 shows the most commonly used form of the modern peri¬ 

odic table, sometimes called the long form. Each element is identified by its 

symbol placed in a square. The atomic number of the element is shown 

centered above the symbol. Notice that the elements are listed in order of 

increasing atomic number, from left to right and top to bottom. Hydrogen 

(H), the lightest element, is in the top left corner. Helium (He), atomic 

number 2, is at the top right. Lithium (Li), atomic number 3, is at the left 

end of the second row. 

Each horizontal row of the periodic table is called a period. There are 

seven periods in the modern periodic table. The number of elements per 

period ranges from 2 (hydrogen and helium) in Period 1, to 32 in Period 6. 

Within a given period, the properties of the elements vary as you move 

across it from element to element. This pattern of properties then repeats 

as you move to the next period. 

Each vertical column of the periodic table is called a group, or family. 

Elements within a group have similar chemical and physical properties. 

Note that each group is identified by a number and the letter A or B. For 

example, Group 2A contains the elements beryllium (Be), magnesium 

(Mg), calcium (Ca), strontium (Sr), barium (Ba), and radium (Ra). You will 

learn more about specific trends in the periodic table in Chapter 6. 
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I 

Archaeologist 
Archaeologists are detectives of 

the past, sifting for clues that 

uncover secrets of past civiliza¬ 

tions. Archaeologists excavate 

ancient cities and dwellings look¬ 

ing for artifacts that indicate what 

kinds of foods ancient people ate, 

what types of tools they used, 

and how they interacted with 

one another as a society. Often, 

archaeologists must draw conclu¬ 

sions based on indirect evidence. 

Knowing when an event 

occurred or when an artifact was 

made can provide important 

information. Archaeologists use 

techniques such as radiometric¬ 

dating, in which a sample is dated 

by measuring the concentration 

of certain isotopes, such as 

carbon-14. This method tells them 

the age of a sample within a cer¬ 

tain range, and is used 

with the greatest accu¬ 

racy for samples no more 

than 10,000 years old. 

Archaeologists also 

perform chemical tests 

on artifacts to determine 

their composition. For 

example, archaeologists 

might analyze the glazes 

used on pottery, or the 

dyes used in clothing. Archaeolo¬ 

gists may also use chemicals to 

preserve artifacts that have been 

unearthed, so that the artifacts 

can be examined without being 

damaged. 

Archaeology requires a back¬ 

ground in both history and sci¬ 

ence. Archaeologists often spend 

as much time in the laboratory 

studying their finds as they do out 

in the field excavating sites. Archae¬ 

ologists take courses in archaeolog¬ 

ical techniques, biology, anatomy, 

chemistry, math, and history. 

C Go ^Inline 
-PHSchool.com 

For: Careers in Chemistry 
Visit: PHSchool.com 
Web Code: cdb-1043 

4.3 Section Assessment 

25. Key Concept What distinguishes the atoms of 

one element from the atoms of another? 

26. Key Concept What equation tells you how to 

calculate the number of neutrons in an atom? 

27. Key Concept How do the isotopes of a given 

element differ from one another? 

28. Key Concept How is atomic mass calculated? 

29. Key Concept What makes the periodic table 

such a useful tool? 

30. What does the number represent in the isotope 

platinum-194? Write the symbol for this atom 

using superscripts and subscripts. 

31. The atomic masses of elements are generally not 

whole numbers. Explain why. 

32. List the number of protons, neutrons, and elec¬ 

trons in each pair of isotopes. 

a. |Li, ^Li b. |g€a, |£Ca c- 34Se, 3°Se 

33. Name two elements that have properties similar 

to those of the element calcium (Ca). 

llHnHff^ ..11.. 
Elements Within You Read page R5 of the Elements 
Handbook. Identify the five most abundant elements in 

the human body, and locate them on the periodic table. 

^Textbook 

Assessment 4.3 Test yourself 
on the concepts in Section 4.3. 

».. with ChemASAP 
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Small-Scale 
LAB 

The Atomic Mass of Candium 

Purpose 
To analyze the isotopes of "candium" and to calculate its 

atomic mass. 

Materials 
• sample of candium 

• balance 

• pencil 

• paper 

Procedure 
Obtain a sample of"candium"that contains three different 

brands of round, coated candy.Treat each brand of candy 

as an isotope of candium. Separate the three isotopes into 

groups labeled A, B, and C, and measure the mass of each 

isotope. Count the number of atoms in each sample. Make 

a table similar to the one below to record your measured 

and calculated data. 

Totals 

Total mass 

(grams) 

Number 

Average 

mass 

(grams) 

Relative 

abundance 

Percent 

abundance 

Relative 

mass 

* 
»■ 
itrWC % 

ft 

Analyze 
Using the experimental data, record the answers to the 

following questions below your data table. 

1. Calculate the average mass of each isotope by dividing 

its total mass by the number of particles of that isotope. 

2. Calculate the relative abundance of each isotope by 

dividing its number of particles by the total number of 

particles. 

Calculate the percent abundance of each isotope by 

multiplying the relative abundance from Step 2 by 100. 

4. Calculate the relative mass of each isotope by multiply¬ 

ing its relative abundance from Step 2 by its average 

mass. 

5. Calculate the weighted average mass of all candium 

particles by adding the relative masses.This weighted 

average mass is the atomic mass of candium. 

6. Explain the difference between percent abundance 

and relative abundance. What is the result when you 

total the individual relative abundances?The individual 

percent abundances? 

7. The percent abundance of each kind of candy tells you 

how many of each kind of candy there are in every 100 

particles. What does relative abundance tell you? 

8. Compare the total values for rows 3 and 6 in the table. 

Explain why the totals differ and why the value in row 6 

best represents atomic mass. 

9. Explain any differences between the atomic mass of 

your candium sample and that of your neighbor. 

Explain why the difference would be smaller if larger 

samples were used. 

You're the Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Analyze It! Determine the atomic mass of a second 

sample of candium. How does it compare with the first? 

Suggest reasons for any differences between the 

samples. 

2. Design It! Design and test methods to produce identi¬ 

cal samples of candium.Try measuring mass or volume 

as a means of counting.Test these methods by count¬ 

ing each kind of candy in each sample you produce. 

Which method of sampling gives the most consistent 

results? 
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CHAPTER 

4 Study Guide 

Key Concepts 

4.1 Defining the Atom 

• Democritus believed that atoms were indi¬ 
visible and indestructible. 

• By using experimental methods, Dalton 
transformed Democritus's ideas on atoms 
into a scientific theory. 

• Scientists can observe individual atoms by 
using instruments such as scanning tunnel¬ 
ing microscopes. 

4.2 Structure of the Nuclear Atom 

• Three types of subatomic particles are elec¬ 
trons, protons, and neutrons. 

• In the nuclear atom, the protons and neu¬ 
trons are located in the nucleus. The elec¬ 
trons are distributed around the nucleus and 
occupy almost all the volume of the atom. 

4.3 Distinguishing Among Atoms 

• Elements are different because they have dif¬ 
ferent numbers of protons. 

• The number of neutrons in an atom is the 
difference between the mass number and 
atomic number. 

• Because isotopes of an element have differ¬ 
ent numbers of neutrons, they also have dif¬ 
ferent mass numbers. 

• To calculate the atomic mass of an element, 
multiply the mass of each isotope by its nat¬ 
ural percent abundance (expressed as a dec¬ 
imal), and then add the products. 

• The periodic table lets you easily compare 
the properties of one element (or a group of 
elements) to another element (or group of 
elements). 

Vocabulary 

• atom (p. 101) 

• atomic mass (p. 115) 

• atomic mass unit (amu) (p. 114) 

• atomic number (p. 110) 

• cathode ray (p. 104) 

• Dalton’s atomic theory (p. 102) 

• electron (p. 104) 

• group (p. 118) 

• isotopes (p. 112) 

• mass number (p. Ill) 

• neutron (p. 106) 

• nucleus (p. 107) 

• period (p. 118) 

• periodic table (p. 118) 

• proton (p. 106) 

Key Equation 

• number of neutrons = mass number - atomic number 

Organizing Information 

Use these terms to construct a 
concept map that organizes the 
main ideas of this chapter. 

9 

Concept Map 4 Solve the 
Concept map with the help of 
an interactive guided tutorial. 

_with ChemASAP 
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CHAPTER 

Assessment 

Reviewing Content 

4.1 Defining the Atom 

34. What is an atom? 

35. What were the limitations of Democritus’s ideas 

about atoms? 

36. With which of these statements would John 

Dalton have agreed in the early 1800s? For each, 

explain why or why not. 

a. Atoms are the smallest particles of matter. 

b. The mass of an iron atom is different from the 

mass of a copper atom. 

c. Every atom of silver is identical to every other 

atom of silver. 

d. A compound is composed of atoms of two or 

more different elements. 

37. Use Dalton’s atomic theory to describe how 

atoms interact during a chemical reaction. 

4.2 Structure of the Nuclear Atom 

38. What experimental evidence did Thomson have 

for each statement? 

a. Electrons have a negative charge. 

b. Atoms of all elements contain electrons. 

39. Would you expect two electrons to attract or 

repel each other? 

40. Flow do the charge and mass of a neutron 

compare to the charge and mass of a proton? 

41. Why does it make sense that if an atom loses 

electrons, it is left with a positive charge? 

42. Describe the location of the electrons in 

Thomson’s “plum pudding’’ model of the atom. 

43. Flow did the results of Rutherford’s gold-foil 

experiment differ from his expectations? 

44. What is die charge, positive or negative, of the 

nucleus of every atom? 

45. In the Rutherford atomic model, which sub¬ 

atomic particles are located in the nucleus? 

4.3 Distinguishing Among Atoms 

46. Why is an atom electrically neutral? 

47. What does the atomic number of each atom 

represent? 

48. How many protons are in the nuclei of the fol¬ 

lowing atoms? 

a. phosphorus 

b. molybdenum 

c. aluminum 

d. cadmium 

e. chromium 

f. lead 

49. What is the difference between the mass number 

and the atomic number of an atom? 

50. Complete the following table by referring to 

Figure 4.11 on page 118. 

Atomic 
number 

Mass 
number 

Number 
of 

protons 

Number 
of 

neutrons 

Symbol 
of 

element 

9 (a) (b) 10 (c) 

(d) (e) 14 15 (f) 

(g) 47 (h) 25 (i) 

0) 55 25 (k) (1) 

51. Name two ways that isotopes of an element 

differ. 

52. How can there be more than 1000 different 

atoms when there are only about 100 different 

elements? 

53. What data must you know about the isotopes of 

an element to calculate the atomic mass of the 

element? 

54. How is an average mass different from a 

weighted average mass? 

55. What is the atomic mass of an element? 

56. How are the elements arranged in the 

modern periodic table? 

57. Look up the word periodic in the dictionary. 

Propose a reason for the naming of the periodic 

table. 
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Understanding Concepts 

58. Characterize the size of an atom. 

59. Compare the size and density of an atom with its 

nucleus. 

60. Imagine you are standing on the top of a 

boron-11 nucleus. Describe the numbers and 

kinds of subatomic particles you would see look¬ 

ing down into the nucleus, and those you would 

see looking out from the nucleus. 

61. What parts of Dalton's atomic theory no longer 

agree with the current picture of the atom? 

62. Millikan measured the quantity of charge carried 

by an electron. How did he then calculate the 

mass of an electron? 

63. How is the number of electrons in an atom of a 

given element related to the atomic number of 

that element?^ 

64. How is the atomic mass of an element calculated 

from isotope data? 

65. The four isotopes of lead are shown below, each 

with its percent by mass abundance and the 

composition of its nucleus. Using these data, 

calculate the approximate atomic mass of lead. 

66. Dalton’s atomic theory was not correct in every 

detail. Should this be taken as a criticism of 

Dalton as a scientist? Explain. 

67. Why are atoms considered the basic building 

blocks of matter even though smaller particles, 

such as protons and electrons, exist? 

68. The following table shows some of the data 

collected by Rutherford and his colleagues dur¬ 

ing their gold-foil experiment. 

Angie of deflection 
(degrees) 

— 

Number of deflections 

5 8,289,000 

10 502,570 

15 120,570 

30 7800 

45 1435 

60 477 

75 211 

>105 198 

a. What percentage of the alpha particle deflec¬ 

tions were 5° or less? 

b. What percentage of the deflections were 15° 

or less? 

c. What percentage of the deflections were 60° 

or greater? 

69. Using the data for nitrogen listed in Table 4.3, 

calculate the weighted average atomic mass of 

nitrogen. Show your work. 

70. What characteristics of cathode rays led 

Thomson to conclude that the rays consisted of 

negatively charged particles? 

71. If you know the atomic number and mass 

number of an atom of an element, how can you 

determine the number of protons, neutrons, 

and electrons in that atom? 

72. What makes isotopes of the same element 

chemically alike? 

73. In the periodic table, what happens to the 

pattern of properties within a period when you 

move from one period to the next? 
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CHAPTER 

4 Assessment continued 

Critical Thinking Concept Challenge 

74. The diagram below shows gold atoms being 

bombarded with fast-moving alpha particles. 

a. The large yellow spheres represent gold 

atoms. What do the small gray spheres 

represent? 

b. List at least two characteristics of the small 

gray spheres. 

c. Which subatomic particle cannot be found in 

the area represented by the gray spheres? 

75. How could you modify Rutherford’s experimen¬ 

tal procedure to determine the relative sizes of 

different nuclei? 

76. Rutherford's atomic theory proposed a dense 

nucleus surrounded by very small electrons. 

This implies that atoms are composed mainly of 

empty space. If all matter is mainly empty space, 

why is it impossible to walk through walls or 

pass your hand through your desk? 

77. This chapter illustrates the scientific method in 

action. What happens when new experimental 

results cannot be explained by the existing 

theory? 

78. Do you think there are more elements left to be 

discovered? Explain your answer. 

79. The law of conservation of mass was introduced 

in Chapter 2. Use Dalton’s atomic theory to 

explain this law. 

80. Diamond and graphite are both composed of 

carbon atoms. The density of diamond is 

3.52 g/cm3. The density of graphite is 2.25 g/cm3. 

In 1955, scientists successfully made diamond 

from graphite. Using the relative densities, imag¬ 

ine what happens at the atomic level when this 

change occurs. Then suggest how this synthesis 

may have been accomplished. 

81. Lithium has two naturally occurring isotopes. 

Lithium-6 has an atomic mass of 6.015 amu; 

lithium-7 has an atomic mass of 7.016 amu. The 

atomic mass of lithium is 6.941 amu. What is the 

percentage of naturally occurring lithium-7? 

82. When the masses of the particles that make up 

an atom are added together, the sum is always 

larger than the actual mass of the atom. The 

missing mass, called the mass defect, represents 

the matter converted into energy when the 

nucleus was formed from its component protons 

and neutrons. Calculate the mass defect of a 

chlorine-35 atom by using the data in Table 4.1. 

The actual mass of a chlorine-35 atom is 

5.81 X 10“23g. 

Cumulative Review 

83. How does the goal of pure chemistry compare 

with that of applied chemistry? (Chapter 1) 

84. How does a scientific law differ from a scientific 

theory? (Chapter 1) 

85. Classify each as an element, a compound, or a 

mixture. [Chapter2) 

a. sulfur b. salad oil 

c. newspaper d. orange 

86. Oxygen and hydrogen react explosively to form 

water. In one reaction, 6 g of hydrogen combines 

with oxygen to form 54 g of water. How much 

oxygen was used? [Chapter 2) 

87. An aquarium measures 54.0 cm X 31.10 m X 

380.0 cm. How many cubic centimeters of water 

will this aquarium hold? (Chapter 3) 

88. What is the mass of 4.42 cm3 of platinum? The 

density of platinum is 22.5 g/cm3. [Chapter 3) 
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Standardized Test Prep 

Test-Taking Tip 

Connectors Sometimes two phrases in a true/ 

false question are connected by a word such as 

because or therefore. These words imply a rela¬ 

tionship between one part of the sentence and 

another. Statements that include such words can 

be false even if both parts of the statement are 

true by themselves. 

Select the choice that best answers each question or 

completes each statement. 

1. An atom composed of 16 protons, 16 electrons, 

and 16 neutrons is 

a. «S b. «Ge c. 32S d. ifS 

2. Which list contains elements that fall within the 

same group on the periodic table? 

a. He, Ar, Xe b. O, F, Ne 

c. K, Rb, Ba d. H, He, Li 

3. Which of these descriptions is incorrect? 

a. proton: positive charge, in nucleus, mass 

of ~ 1 amu 

b. electron: negative charge, mass of = 0 amu, 

in nucleus 

c. neutron: mass of ~ 1 amu, no charge 

4. Thallium has two isotopes, thallium-203 and thal¬ 

lium-205. Thallium’s atomic number is 81 and its 

atomic mass is 204.38 amu. Which statement 

about the thallium isotopes is true? 

a. There is more thallium-203 in nature. 

b. Atoms of both isotopes have 81 protons. 

c. Thallium-205 atoms have fewer neutrons. 

d. The most common atom of thallium has a mass 

of 204.38 amu. 

Use the art to answer Question 5. 

5. How many nitrogen-14 atoms (14N) would you 

need to place on the right pan to balance the three 

calcium-42 atoms (42Ca) on the left pan of the 

“atomic balance” below? Describe the method 

you used to determine your answer, including any 

calculations. 

6. Which of the following statements about the peri¬ 

odic table are correct? 

I. Elements are arranged in order of increasing 

atomic mass. 

II. A period is a horizontal row. 

III. The properties of the elements within a period 

vary from element to element. 

a. I only 

b. I and II only 

c. I, II, and III 

d. I and III only 

e. II and III only 

For each question below there are two statements. Decide whether each 

statement is true or false. Then decide whether Statement II is a correct 

explanation for Statement I. 

Statement I 

7. Every aluminum-27 atom has 27 protons 

and 27 electrons. 

8. Isotopes of an element have different 

atomic masses. 

9. An electron is repelled by a negatively 

charged particle. 

Statement II 

BECAUSE The mass number of aluminum-27 is 27. 

BECAUSE The nuclei of an element’s isotopes contain 

different numbers of protons. 

BECAUSE An electron has a negative charge. 
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Actiwity 

Observing Light Emission From Wintergreen Mints 

Materials 
3 different brands of wintergreen mints, a pair of 

pliers, transparent tape, and a dark room 

Procedure 

1. Break each mint in half. 

2. Wrap the jaws of the pliers with transparent tape. 

Caution Handle pliers carefully to avoid pinching 

your skin. 

3. Turn off the lights and allow your eyes to adjust to 

the darkness. Caution Never taste any material 

used in the lab, including candy. 

4. Watch the exposed edge of the mint as you care¬ 

fully crush it between the jaws of the pliers. Note 

the color and brightness of any emitted light. 

5. Repeat Step 4 for the other two mints. 

Think About It 

1. What did you observe when you crushed the 

mints? 

2. Did all the mints emit light? Propose an explana¬ 

tion for your observations. 



5.1 Models of the Atom 

Connecting to Your World . '. . 
27 Aeronautical engineers use 

wind tunnels and scale models to simulate and test the forces from the 

moving air on each proposed design.The scale model shown is a physical 

model. However, not all models are physical. In 

fact, several theoretical models of the atom 

have been developed over the last few 

hundred years. In this section, you will 

learn about the currently accepted model 

of how electrons behave in atoms. 

The Development of Atomic Models 
So far in this textbook, the model for the atom consisted of protons and 

neutrons making up a nucleus surrounded by electrons. After discovering 

the atomic nucleus, Rutherford used existing ideas about the atom and 

proposed an atomic model in which the electrons move around the 

nucleus, like the planets move around the sun. Rutherford’s model 

explained only a few simple properties of atoms. It could not explain, for 

example, why metals or compounds of metals give off characteristic colors 

when heated in a flame, or why objects—when heated to higher and higher 

temperatures—first glow dull red, then yellow, then white, as shown in 

Figure 5.1. Rutherford’s atomic model could not explain the chemical 

properties of elements. Explaining what leads to the chemical properties of 

elements requires a model that better describes the behavior of electrons 

within atoms. 

Guide for Reading 

<T^ Key Concepts 

• What was inadequate about 

Rutherford's atomic model? 

• What was the new proposal in 

the Bohr model of the atom? 

• What does the quantum 

mechanical model determine 

about the electrons in an atom? 

• How do sublevels of principal 

energy levels differ? 

Vocabulary 
energy levels 

quantum 

quantum mechanical model 

atomic orbital 

Reading Strategy 
Using Prior Knowledge Before 

you read, jot down three things 

you already know about atoms. 

As you read the section, explain 

how what you already knew 

helped you learn something new. 

Figure 5.1 Rutherford's 
model fails to explain why 

objects change color when 
heated. As the temperature of 

this horseshoe is increased, it 
first appears black, then red, 
then yellow, and then white. 
The observed behavior could 

be explained only if the atoms 
in the iron gave off light in 

specific amounts of energy. 
A better atomic model was 
needed to explain this 
observation. 
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Path of a moving 
electron 

Sphere with 
positive charge 
throughout 

Dalton 
Model 

Thomson 
Model 

1803 John Dalton 
pictures atoms as 
tiny, indestructible 
particles, with no 
internal structure. 

Tiny, solid 
sphere 

1897 J.J. Thomson, a British 
scientist, discovers the electron. 
The later leads to his "plum¬ 
pudding" model. He pictures 
electrons embedded in a sphere 
of positive electrical charge. 

Nucleus 

Negatively charged 
particle (electron) 

1904 Hantaro 
Nagaoka, a Japanese 
physicist, suggests 
that an atom has a 
central nucleus. 
Electrons move in 
orbits like the rings 
around Saturn. 

Rutherford 
Model 

1911 New Zealand | 
physicist Ernest 
Rutherford finds that an 
atom has a small, dense, 
positively charged 
nucleus. Electrons move 
around the nucleus. 

1800 

Figure 5.2 These illustrations 
show how the atomic model has 
changed as scientists learned 
more about the atom's structure. 

Word Origins 
Quantum comes from the 

Latin word quantus, mean¬ 

ing "how much." What 
other commonly used 
English word comes from 
this root? 

The Bohr Model 
Niels Bohr (1885-1962), a young Danish physicist and a student of Ruther¬ 

ford, believed Rutherford’s model needed improvement. In 1913 Bohr 

changed Rutherford’s model to include newer discoveries about how the 
energy of an atom changes when it absorbs or emits light. He considered 

the simplest atom, hydrogen, which has one electron. Bohr proposed 
that an electron is found only in specific circular paths, or orbits, around 

the nucleus. The timeline in Figure 5.2 shows the development of atomic 
models from 1800 to 1935. 

Each possible electron orbit in Bohr’s model has a fixed energy. The 

fixed energies an electron can have are called energy levels. The fixed 
energy levels of electrons are somewhat like the rungs of the ladder in 

Figure 5.3a. The lowest rung of the ladder corresponds to the lowest energy 
level. A person can climb up or down a ladder by going from rung to rung. 

Similarly, an electron can jump from one energy level to another. A person 

on a ladder cannot stand between the rungs. Similarly, the electrons in an 

atom cannot be between energy levels. To move from one rung to another, 
a person climbing a ladder must move just the right distance. To move 

from one energy level to another, an electron must gain or lose just the 
right amount of energy. In general, the higher an electron is on the energy 

ladder, the farther it is from the nucleus. 

A quantum of energy is the amount of energy required to move an elec¬ 
tron from one energy level to another energy level. The energy of an elec¬ 

tron is said to be quantized. You have probably heard the term quantum 

leap used to describe an abrupt change. The term originates from the ideas 
found in the Bohr model of the atom. 
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Bohr 
Model 

1913 In Niels 
Bohr's model, the 
electron moves in 
a circular orbit at 
fixed distances 
from the nucleus. 

1923 French physicist 
Louis de Broglie 
proposes that moving 
particles like electrons 
have some properties of 
waves. Within a few 

years, experimental evi¬ 
dence supports the idea. 

Nucleus 

An electron can gain 
or lose energy by 
changing its orbit. 

Electron 

The electron cloud is a visual 
model of the probable locations 
of electrons in an atom. The 
probability of finding an electron 
is higher in the denser regions 
of the cloud. 

The nucleus contains 
protons and neutrons. 

Electron Cloud 
Model 

1926 Erwin Schrodinger 

develops mathematical 
equations to describe the 
motion of electrons in 
atoms. His work leads to 
the electron cloud model. 

1932 James Chadwick, an 
English physicist, confirms 
the existence of neutrons, 
which have no charge. Atomic 
nuclei contain neutrons and 
positively charged protons. 

L | 1915 1920 1925 1930 

The amount of energy an electron gains or loses in an atom is not 

always the same. Like the rungs of the strange ladder in Figure 5.3b, the 

energy levels in an atom are not equally spaced. The higher energy levels 

are closer together. It takes less energy to climb from one rung to another 

near the top of the ladder in Figure 5.3b, where the rungs are closer. Simi¬ 

larly, the higher the energy level occupied by an electron, the less energy it 

takes to move from that energy level to the next higher energy level. 

The Bohr model gave results in agreement with experiment for the 

hydrogen atom. However, it still failed in many ways to explain the energies 

absorbed and emitted by atoms with more than one electron. 

Figure 5.3 These ladder steps 

are somewhat like energy levels. 

© In an ordinary ladder, the 

rungs are equally spaced. © The 

energy levels in atoms are 

unequally spaced, like the rungs 

in this ladder. The higher energy 

levels are closer together. 
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Figure 5.4 The electron cloud of 

an atom is compared here to 

photographs of a spinning 

airplane propeller. © The 

airplane propeller is somewhere 

in the blurry region it produces in 

this picture, but the picture does 

not tell you its exact position at 

any instant. © Similarly, the 

electron cloud of an atom 

represents the locations where 

an electron is likely to be found. 

The Quantum Mechanical Model 
The Rutherford planetary model and the Bohr model of the atom are based i 

on describing paths of moving electrons as you would describe the path of 

a large moving object. New theoretical calculations and experimental 

results were inconsistent with describing electron motion this way. In 1926, 

the Austrian physicist Erwin Schrodinger (1887-1961) used these new 

results to devise and solve a mathematical equation describing the behav¬ 

ior of the electron in a hydrogen atom. The modern description of the 

electrons in atoms, the quantum mechanical model, comes from the math¬ 

ematical solutions to the Schrodinger equation. 

Like the Bohr model, the quantum mechanical model of the atom 

restricts the energy of electrons to certain values. Unlike the Bohr model, 

however, the quantum mechanical model does not involve an exact path 

the electron takes around the nucleus. <T^ The quantum mechanical 

model determines the allowed energies an electron can have and how likely it 

is to find the electron in various locations around the nucleus. 

How likely it is to find the electron in a particular location is described 

by probability. If you place three red marbles and one green marble into a 

box and then pick a marble without looking, the probability of picking the 

green marble is one in four, or 25%. This means that if you put the four 

marbles in a box and picked one, and repeated this a great many times, you 

would pick a green marble in 25% of your tries. 

The quantum mechanical model description of how the electron mov¬ 

ing around the nucleus is similar to the motion of a rotating propeller 

blade. Figure 5.4a shows that the propeller blade has the same probability 

of being anywhere in the blurry region it produces in the picture, but you 

cannot tell its precise location at any instant. Similarly, in the quantum 

mechanical model of the atom, the probability of finding an electron 

within a certain volume of space surrounding the nucleus can be repre¬ 

sented as a fuzzy cloud. The cloud is more dense where the probability of 

finding the electron is high. The cloud is less dense where the probability of 

finding the electron is low. Though it is unclear where the cloud ends, there 

is at least a slight chance of finding the electron at a considerable distance 

from the nucleus. Therefore, attempts to show probabilities as a fuzzy 

cloud are usually limited to the volume in which the electron is found 90% 

of the time. To visualize an electron probability cloud, imagine that you 

could mold a sack around the cloud so that the electron was inside the sack 

90% of the time. The shape of the sack would then give you a useful picture 

of the shape of the cloud. 
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s orbital px orbital py orbital pz orbital 

Atomic Orbitals 
Solving the Schrodinger equation gives the energies an electron can have. 

These are its energy levels. For each energy level, the Schrodinger equation 

also leads to a mathematical expression, called an atomic orbital, describ¬ 

ing the probability of finding an electron at various locations around the 

nucleus. An atomic orbital is often thought of as a region of space in which 

there is a high p robability of finding an electron. 

The energy levels of electrons in the quantum mechanical model are 

labeled by principal quantum numbers [ri). These are assigned the values 

n= 1,2, 3, 4, and so forth. For each principal energy level, there may be 

several orbitals with different shapes and at different energy levels. These 

energy levels within a principal energy level constitute energy sublevels. 

Each energy sublevel corresponds to an orbital of a different shape, 

which describes where the electron is likely to be found. 

Different atomic orbitals are denoted by letters. As shown in Figure 5.5, 

5 orbitals are spherical, and p orbitals are dumbbell-shaped. Because of 

the spherical shape of an s orbital, the probability of finding an electron at 

a given distance from the nucleus in an s orbital does not depend on 

direction. The three kinds of p orbitals have different orientations in space. 

(^Checkpoint) How do s andp orbitals differ? 

Figure 5.5 The electron clouds 

for the s orbital and the p orbitals 
are shown here. 

r 
Textbook 

Animations Observe the 
characteristics of atomic orbitals. 

__with ChemASAP 

Table 5.1 

Summary of Principal Energy Levels, Sublevels, and Orbitals 

Principal 
energy level 

Number of 
sublevels Type of sublevel 

n = 1 1 Is (1 orbital) 

n = 2 2 2s (1 orbital), 2p (3 orbitals) 

n = 3 3 3s (1 orbital), 3p (3 orbitals), 
3d (5 orbitals) 

n = 4 4 4s (1 orbital), 4p (3 orbitals), 
4 d (5 orbitals), 4f(7 orbitals) 
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Figure 5.6 The d orbitals are 
illustrated here. Four of the five d 

orbitals have the same shape but 
different orientations in space. 

Interpreting Diagrams How 
are the orientations of the dxv 
and dx2_ 2 orbitals similar? How 
are they different? 

Maximum Numbers 
of Electrons 

Energy 
level n 

Maximum 
number of 
electrons 

1 2 

2 8 

3 18 

4 32 

Figure 5.6 shows the shapes of d orbitals. Four of the five kinds of d 

orbitals have clover leaf shapes. The shapes of/orbitals are more compli¬ 

cated than for d orbitals. 

The numbers and kinds of atomic orbitals depend on the energy sublevel. 

The lowest principal energy level {n = 1) has only one sublevel, called Is. 

The second principal energy level {n = 2) has two sublevels, 2s and 2p. 

The 2p sublevel is of higher energy than the 2s and consists of three p orbit¬ 

als of equal energy. The long axis of each dumbbell-shaped p orbital is per¬ 

pendicular to the other two. It is convenient to label these orbitals 2px, 2py, 

and 2pz. Thus the second principal energy level has four orbitals: 2s, 2px, 

2py, and 2pz. 

The third principal energy level (n = 3) has three sublevels. These are 

called 3s, 3p, and 3d. As shown in Figure 5.6, the 3d sublevel consists of five 

d orbitals of equal energy. Thus the third principal energy level has nine 

orbitals (one 3s, three 3p, and five 3d orbitals). 

The fourth principal energy level [n = 4) has four sublevels, called 4s, 

4p, 4d, and 4/ The 4/sublevel consists of seven/orbitals of equal energy. 

The fourth principal energy level, then, has 16 orbitals (one 4s, three 4p, 

five 4d, and seven 4/orbitals). 

As mentioned, the principal quantum number always equals the num¬ 

ber of sublevels within that principal energy level. The maximum number 

of electrons that can occupy a principal energy level is given by the formula 

2n1 2 3 4 5 6, where n is the principal quantum number. The number of electrons 

allowed in each of the first four energy levels is shown in Table 5.2. 

5.1 Section Assessment 

1. Key Concept Why did Rutherford’s atomic 

model need to be replaced? 

2. Key Concept What was the basic new proposal 

in the Bohr model of the atom? 

3. Key Concept What does the quantum mechan¬ 

ical model determine about electrons in atoms? 

4. Key Concept Flow do two sublevels of the same 

principal energy level differ from each other? 

5. How can electrons in an atom move from one 

energy level to another? 

6. The energies of electrons are said to be quantized. 

Explain what this means. 

7. How many orbitals are in the following sublevels? 

a. 3p sublevel b. 25 sublevel c. 4p sublevel 

d. 3d sublevel e. 4/sublevel 

Connecting Concepts 

Reread the materials on the quantum mechanical 
model of the atom. Describe how the quantum 

mechanical model differs from Dalton's model, from 
Thomson's model, and from Rutherford's model. 

• 1 
Textbook 

Assessment 5.1 Test yourself 
on the concepts in Section 5.1. 

>-with ChemASAP 
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L 
Electron Arrangement in Atoms 

Connecting to Your World Does this scene |ook natura| to 

you? Surprisingly, it is. Arrangements like this are rare in nature because 

they are unstable. Unstable arrangements, whether the grains of sand in a 

sandcastleorthe rock formation shown here, tend to become 

more stable by losing energy. If this rock were to tumble 

over, it would end up at a lower height. It would have 

less energy than before, but its position would be 

more stable. In this section, you will learn that 

energy and stability play an important role in 

determining how electrons are configured in an 

atom. 

Electron Configurations 
Try to balance a pencil on its point. Each time you try, the pencil falls over. 

At the end of its fall, its energy has decreased. In most natural phenomena, 

change proceeds toward the lowest possible energy. In an atom, electrons 

and the nucleus interact to make the most stable arrangement possible. 

The ways in which electrons are arranged in various orbitals around the 

nuclei of atoms are called electron configurations. 

Three rules—the aufbau principle, the Pauli exclusion principle, 

and Hund’s rule—tell you how to find the electron configurations of atoms. 

The three rules are as follows. 

Guide for Reading 

Key Concepts 
• What are the three rules 

for writing the electron 

configurations of elements? 

• Why do actual electron 

configurations for some 

elements differ from those 

assigned using the aufbau 

principle? 

Vocabulary 
electron configurations 

aufbau principle 

Pauli exclusion principle 

Hund's rule 

Reading Strategy 
Building Vocabulary As you 

read the section, write a definition 

of each vocabulary term in your 

own words. 

Aufbau Principle According to the aufbau principle, electrons occupy 

the orbitals of lowest energy first. Look at the aufbau diagram in Figure 5.7. 

Each box represents an atomic orbital. 

□ 6SDnn6P □□□□□“ □□□□□□□« 

□ 5SDnn5P □□□□□“ 
□ □□4P 

;q4 8 □□□□□** 

□ □□3P 

□ 3s 

□ □□2P 
□ 2s 

Qls 

Figure 5.7 This aufbau 

diagram shows the energy 

levels of the various atomic 

orbitals. Orbitals of greater 

energy are higher on the 

diagram. Using Tables 
Which is of higher energy, a 

4d or a 5s orbital? 
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The orbitals for any sublevel of a principal energy level are always of 

equal energy. Further, within a principal energy level the s sublevel is 

always the lowest-energy sublevel. Yet the range of energy levels within a 

principal energy level can overlap the energy levels of another principal 

level. Notice again in Figure 5.7 that the filling of atomic orbitals does not 

follow a simple pattern beyond the second energy level. For example, the 

4s orbital is lower in energy than a 3d orbital. 

Pauli Exclusion Principle According to the Pauli exclusion principle, an 

atomic orbital may describe at most two electrons. For example, either one 

or two electrons can occupy an s orbital or a p orbital. To occupy the same 

orbital, two electrons must have opposite spins; that is, the electron spins 

must be paired. Spin is a quantum mechanical property of electrons and 

may be thought of as clockwise or counterclockwise. A vertical arrow indi¬ 

cates an electron and its direction of spin (t or i). An orbital containing 

paired electrons is written as T1 

Hund's Rule When you use the aufbau diagram to decide how electrons 

occupy orbitals of equal energy, one electron enters each orbital until all 

the orbitals contain one electron with the same spin direction. Hund's rule 

states that electrons occupy orbitals of the same energy in a way that makes 

the number of electrons with the same spin direction as large as possible. 

For example, three electrons would occupy three orbitals of equal energy as 

follows: Tilt [? . Second electrons then occupy each orbital so that their 

spins are paired with the first electron in the orbital. Thus each orbital can 

eventually have two electrons with paired spins. 

n 
Textbook 

Simulation 2 Fill atomic 

orbitals to build the ground 

state of several atoms. 

. Wl thCHemASAP 

r Table 5.3 L__ 

Electron Configurations for Some Selected Elements 

Element 

Orbital filling 

Electron 
configuration Is 2s 2 Px 2 Py 2pz 3s 

H G □ □ □ □ G Is1 

He 
□ □ □ □ □ Is2 

Li 
Hi □ □ □ □ G 1 s22s1 

C n G □ □ □ □ 1s22s22p2 

N ti G T G G □ 1s22s22p3 

0 ti g TI G G □ 1s22s22p4 

F ti G TI TI □ □ 1s22s22p5 

Ne TI g TI TI TI G 1s22s22p6 

Na ti TI TI TI TI G 1s22s22p63s1 
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Look at the orbital filling diagrams of the atoms listed in Table 5.3. An 

oxygen atom contains eight electrons. The orbital of lowest energy, Is, 

has one electron, then a second electron of opposite spin. The next 

orbital to fill is 2s. It also has one electron, then a second electron of 

opposite spin. One electron then occupies each of the three 2p orbitals of 

equal energy. The remaining electron now pairs with an electron occupy¬ 

ing one of the 2p orbitals. The other two 2p orbitals remain only half 

filled, with one electron each. 

A convenient shorthand method for showing the electron configura¬ 

tion of an atom involves writing the energy level and the symbol for every 

sublevel occupied by an electron. You indicate the number of electrons 

occupying that sublevel with a superscript. For hydrogen, with one elec¬ 

tron in a Is orbital, the electron configuration is written Is1. For helium, 

with two electrons in a Is orbital, the configuration is Is2. For oxygen, 

with two electrons in a Is orbital, two electrons in a 2s orbital, and four 

electrons in 2p orbitals, it is ls22s22p4. Note that the sum of the super¬ 

scripts equals the number of electrons in the atom. 

When the configurations are written, the sublevels within the same 

principal energy level are generally written together. This is not always 

the same order as given on the aufbau diagram. The 3d sublevel, for 

example, is written before the 4s sublevel, even though the aufbau dia- 

C Go v'nline 
-caz>sc^ 

LINKS 
For: Links on Electron 

Configuration 

Visit: www.SciLinks.org 

Web Code: cdn-1052 

CONCEPTUAL PROBLEM 5.1 

f 
Writing Electron Configurations 

Phosphorus, an element used in matches, has an atomic number §|jLW 

of 15. Write the electron configuration of a phosphorus atom. 

^ Analyze Identify the relevant concepts. 

Phosphorus has 15 electrons. There is a max- | > * 

imum of two electrons per orbital. Electrons IllilPW"'' 1 ' 

do not pair up within an energy sublevel 

(orbitals of equal energy) until each orbital 

already has one electron. 

Solve Apply concepts to this situation. 

Using Figure 5.7 on page 133, place electrons 

in the orbital with the lowest energy (Is) first, 

then continue placing electrons in each 

orbital with the next higher energy. 

The electron configuration of phosphorus is 

ls22s22p63s23p3. 

The superscripts add up to the number of 

electrons. When the configurations are writ¬ 

ten, the sublevels within the same principal 

energy level are written together. This is not 

always the same order as given on the aufbau 

diagram. 

Practice Problems 

8. Write the electron configuration for each atom, 

a. carbon b. argon c. nickel 

9. Write the electron configuration for each atom. How 

many unpaired electrons does each atom have? 

a. boron b. silicon 

^Textbook 

Problem Solving 5.9 
Solve Problem 9 with the help 

of an interactive guided tutorial. 

__with ChemASAP 
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Figure 5.8 Copper is a good 

conductor of electricity and is 

commonly used in electrical 

wiring. 

Exceptional Electron Configurations 
Copper, shown in Figure 5.8, has an electron configuration that is an excep¬ 

tion to the aufbau principle. You can obtain correct electron configurations 

for the elements up to vanadium (atomic number 23) by following the 

aufbau diagram for orbital filling. If you were to continue in that fashion, 

however, you would assign chromium and copper the following incorrect 

configurations: 

Cr Is2 2s2 2p6 3s2 3p6 3d4 4s2 

Cu Is2 2s2 2p6 3s2 3p6 3d9 4s2 

The correct electron configurations are as follows: 

Cr Is2 2s2 2p6 3s2 3p6 3d5 4s1 

Cu Is2 2s2 2p6 3s2 3p6 3d10 4s1 

These arrangements give chromium a half-filled d sublevel and copper a 

filled d sublevel. Filled energy sublevels are more stable than partially filled 

sublevels. Some actual electron configurations differ from those 

assigned using the aufbau principle because half-filled sublevels are not 

as stable as filled sublevels, but they are more stable than other configu¬ 

rations. This tendency overcomes the small difference between the ener¬ 

gies of the 3d and 4s sublevels in copper and chromium. 

Exceptions to the aufbau principle are due to subtle electron-electron 

interactions in orbitals with very similar energies. At higher principal quan¬ 

tum numbers, energy differences between some sublevels (such as 5/and 

6d, for example) are even smaller than in the chromium and copper exam¬ 

ples. As a result, there are other exceptions to the aufbau principle. 

Although it is worth knowing that exceptions to the aufbau principle occur, 

it is more important to understand the general rules for determining elec¬ 

tron configurations in the many cases where the aufbau rule applies. 

(^Checkpoint j How are energy differences and exceptions to the aufbau 

principle related? 

5.2 Section Assessment 

10. Key Concept What are the three rules for writ¬ 

ing the electron configuration of elements? 

11. Key Concept Explain why the actual electron 

configurations for some elements differ from those 

assigned using the aufbau principle. 

12. Use Figure 5.7 to arrange the following sublevels in 

order of decreasing energy: 2p, 45, 3s, 3d, and 3p. 

13. Why does one electron in a potassium atom go 

into the fourth energy level instead of squeezing 

into the third energy level along with the eight 

already there? 

Writing Activity 

Modeling the Pauli Exclusion Principle Write a 

brief description of how trying to place two bar 

magnets pointing in the same direction alongside 

each other is like trying to place two electrons into 

the same orbital. 

11OjMsCI 
■ Textbook 

Assessment 5.2 Test yourself on 

the concepts in Section 5.2. 

■-with ChemASAP 
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Atomic Emission Spectra 

Purpose 

To build a spectroscope and use it to measure the wave¬ 

lengths, frequencies, and energies of atomic emission 

lines 

Materials 

• cereal box 

• tape 

• pencil 

• black construction paper 

Procedure fjjj 

• diffraction grating 

• ruler 

• scissors 

• white notebook paper 

Tape together two 2.0 cm x 10 cm strips of black con¬ 

struction paper so that they are parallel and form a narrow 

slit about 2 mm wide. Remove the top of a cereal box and 

tape the construction paper slit as shown. Cover the rest 

of the opening with white notebook paper. Cut a square 

hole (approximately 2 cm per side) and tape a diffraction 

grating over the hole as shown. Point the spectroscope 

toward a fluorescent light.Tape up any light leaks.Your lab 

partner should mark the exact positions of all the colored 

emission lines you see on the notebook paper. Measure 

the distances between the violet line and the other lines 

you have marked. 

Analyze 
1. List the number of distinct lines that you see as well as 

their colors. 

2. Each line you see has a property called its wavelength. 

The prominent violet line has a wavelength of 436 nm 

and the prominent green line is 546 nm. How many 

mm apart are these lines on the paper? By how many 

nm do their wavelengths differ? How many nanome¬ 

ters of wavelength are represented by each millimeter 

you measured? 

3. Using the nm/mm value you calculated in Step 2 and 

the mm distance you measured for each line from the 

violet reference line, calculate the wavelengths of all 

the other lines you see. 

4. Each wavelength corresponds to another property of 

light called its frequency. Use the wavelength value of 

each line to calculate its frequency given that v = c/X 

where c = 2.998 X 1017 nm/s (2.998 X 108 m/s). 

5. The energy (£) of a quantum of light an atom emits is 

related to its frequency (v) by E = h X v. Use the 

frequency value for each line and h = 6.63 X 1 (T34 J-s 

to calculate its corresponding energy. 

You're The Chemist 

1. Design It! Design and carry out an experiment to 

measure the longest and shortest wavelengths you can 

see in daylight. Use your spectroscope to observe light 

from daylight reflected off a white piece of paper. 

Caution: Do not look directly at the sun! Describe the 

differences in daylight and fluorescent light. 

2. Design It! Design and carry out an experiment to 

determine the effect of colored filters on the spectrum 

of fluorescent light or daylight. For each filter tell which 

colors are transmitted and which are absorbed. 

3. Analyze It! Use your spectroscope to observe various | 

atomic emission discharge tubes provided by your 

teacher. Note and record the lines you see and measure 

their wavelengths. 
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Physics and the Quantum Mechanical Model 

Guide for Reading 

Key Concepts 
• How are the wavelength and 

frequency of light related? 

• What causes atomic emission 

spectra? 
• How are the frequencies of light 

an atom emits related to 

changes of electron energies? 

• How does quantum mechanics 

differ from classical mechanics? 

Vocabulary 
amplitude 

wavelength 

frequency 

hertz 

electromagnetic radiation 

spectrum 

atomic emission spectrum 

ground state 

photons 

Heisenberg uncertainty principle 

Reading Strategy 
Monitoring Your Understanding 

Before you read, preview the Key 

Concepts, the section heads, the 

vocabulary terms, and the visuals. 

List three things you expect to 

learn. After reading, state what you 

learned about each item you listed. 

Connecting to Your World lf you walk ln the evening along 

a busy street lined with shops and theaters, you are likely to see neon 

advertising signs.The signs are formed from glass 

tubes bent in various shapes. An electric current 

passing through the gas in each glass tube 

makes the gas glow with its own characteristic 

color. In this section you will learn why each gas 

glows with a specific color of light. 

Light 
The previous sections in this chapter introduced you to some ideas about 

how electrons in atoms are arranged in orbitals, each with a particular 

energy level. You also learned how to write electron configurations for 

atoms. In the remainder of this chapter, you will get a closer look into what 

led to the development of Schrodinger’s equation and the quantum 

mechanical model of the atom. 

Rather curiously, the quantum mechanical model grew out of the study 

of light. Isaac Newton (1642-1727) tried to explain what was known about 

the behavior of light by assuming that light consists of particles. By the 

year 1900, however, there was enough experimental evidence to convince 

scientists that light consists of waves. Figure 5.9 illustrates some of the 

properties of waves. As shown, each complete wave cycle starts at zero, 

increases to its highest value, passes through zero to reach its lowest value, 

and returns to zero again. The amplitude of a wave is the wave’s height 

from zero to the crest, as shown in Figure 5.9. The wavelength, represented 

by X (the Greek letter lambda), is the distance between the crests. The 

frequency, represented by v (the Greek letter nu), is the number of wave 

cycles to pass a given point per unit of time. The units of frequency are usually 

cycles per second. The SI unit of cycles per second is called a hertz (Hz). A 

hertz can also be expressed as a reciprocal second (s_1). 

Figure 5.9 The frequency and wavelength 
of light waves are inversely related. As the 
wavelength increases, the frequency decreases. 

Short 
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102 1 10-2 10-4 10"6 10-8 10-10 10~12 10 14 

Wavelength A. (m) 

ELECTROMAGNETIC SPECTRUM 

The product of frequency and wavelength always equals a constant (c), 

the speed of light: 

c = Xv 

The wavelength and frequency of light are inversely proportional to 

each other. As the wavelength of light increases, for example, the frequency 

decreases. 

According to the wave model, light consists of electromagnetic waves. 

Electromagnetic radiation includes radio waves, microwaves, infrared 

waves, visible light, ultraviolet waves, X-rays, and gamma rays. All electro¬ 

magnetic waves travel in a vacuum at a speed of 2.998 x 108 m/s. 

Sunlight consists of light with a continuous range of wavelengths and 

frequencies. As you can see from Figure 5.10, the color of light for each fre¬ 

quency found in sunlight depends on its frequency. When sunlight passes 

through a prism, the different frequencies separate into a spectrum of col¬ 

ors. A rainbow is an example of this phenomenon. Each tiny droplet of 

water acts as a prism to produce a spectrum. Each color blends into the 

next in the order red, orange, yellow, green, blue, and violet. In the visible 

spectrum, as shown in Figure 5.10, red light has the longest wavelength and 

the lowest frequency. 

(^Checkpoint) What color in the visible spectrum has the longest 

wavelength? 

Figure 5.10 The electro¬ 
magnetic spectrum consists of 
radiation over a broad band of 

wavelengths. The visible light 
portion is very small. It is in the 

10~7m wavelength range and 
1015 Hz (s'1) frequency range. 
Interpreting Diagrams What 

types of nonvisible radiation 

have wavelengths close to those 
of red light? To those of blue 

light? 

Textbook 

Simulations Explore the 
properties of electromagnetic 
radiation. 

withCHemASAP 
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Math Handbook 

Figure 5.11 Sodium vapor 
lamps produce a yellow glow 

m ■ i 

Textbook 

Problem-Solving 5.15 Solve 
Problem 15 with the help of an 
interactive guided tutorial. 

-with ChemASAP 

Practice Problems 

14. What is the wavelength of radi¬ 

ation with a frequency of 

1.50 x 1013 Hz? Does this radi¬ 

ation have a longer or shorter 

wavelength than red light? 

15. What is the frequency of radia¬ 

tion with a wavelength of 

5.00 X 1CT8 m? In what region 

of the electromagnetic spec¬ 

trum is this radiation? 

CHEMath 
SAMPLE PROBLEM 5.1 

Calculating the Wavelength of Light 

Calculate the wavelength of the yellow light emitted by the sodium 

lamp shown above if the frequency of the radiation is 5.10 X 

1014 Hz (5.10 x 1014/s). 

Analyze List the knowns and the unknown. 

Knowns Unknown 
• frequency (v) = 5.10 x 1014/s ‘wavelength (A) = ? m 

• c = 2.998 X 108 m/s 

Calculate Solve for the unknown. 

Solve the equation c = Xv for A. 

A = £ 
Substitute the known values and solve. 

c _ 2.998 X 108 m/s 
5.10 X 1014/s 

= 5.88 X 10 7 m 

Ijj Evaluate Does the result make sense? 

The magnitude of the frequency is much larger than the numerical 

value of the speed of light, so the answer should be much less than 1. 

The answer should have three significant figures, because the original 

known value had three significant figures. 

For help and practice 
solving algebraic equations, 
go to page R69. 

Algebraic Equations 

An algebraic equation shows 
the relationship between two 
or more variables. Often, an 
equation must be solved for 

the unknown variable before 
substituting the known 
values into the equation and 
doing the arithmetic. 

Most equations can be 
solved if you remember that 
you can carry out any mathe¬ 
matical operation, such as 
addition (+), subtraction (—), 

multiplication (x),or division 
(x/y orx -r- y), without 

destroying the equality, as 

long as you do it to both 
sides of the equation. 
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Screen 

Light Slit Prism Helium Slit 
Bulb Lamp 

Atomic Spectra 
Passing an electric current through a gas in a neon tube energizes the elec¬ 

trons of the atoms of the gas, and causes them to emit light. When 

atoms absorb energy, electrons move into higher energy levels. These 

electrons then lose energy by emitting light when they return to lower 

energy levels. Figure 5.12a shows how ordinary light is made up of a mix¬ 

ture of all the wavelengths of light. However, the light emitted by atoms 

consists of a mixture of only specific frequencies. Each specific frequency 

of visible light emitted corresponds to a particular color. Therefore, when 

the light passes through the prism shown in Figure 5.12b, the frequencies 

of light emitted by an element separate into discrete lines to give the atomic 

emission spectrum of the element. 

Each discrete line in an emission spectrum corresponds to one exact 

frequency of light emitted by the atom. Figure 5.12b shows the visible por¬ 

tion of the emission spectrum of helium. 

The emission spectrum of each element is like a person’s fingerprint. 

Just as no two people have the same fingerprints, no two elements have the 

same emission spectrum. In the same way that fingerprints identify people, 

atomic emission spectra are useful for identifying elements. Figure 5.13 

shows the characteristic colors emitted by mercury and by nitrogen. Much 

of the knowledge about the composition of the universe comes from study¬ 

ing the atomic spectra of the stars, which are hot glowing bodies of gases. 

Prism 

Figure 5.12 A prism separates 

light into the colors it contains. 

O Forwhitelightthisproducesa 
rainbow of colors. © Light from 

a helium lamp produces discrete 
lines. Identifying Which color 

has the highest frequency? 

Figure 5.13 No two elements 

have the same emission 
spectrum. O Mercury vapor 
lamps produce a blue glow. 
© Nitrogen gas gives off a 
yellowish-orange light. 
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Flame Tests 

Purpose 
Use the flame test to deter¬ 

mine the identity of the 

cation in an unknown solu¬ 

tion based on its character 

istic color in a flame. 

Materials 
• Bunsen burner 

• 6 small test tubes 

• test tube rack 

tongs 

• 6 cotton swabs 

• 0.1/M NaCI 

• 0.1/M CaCI2 

• 0.1/M LiCI 

• 0.1/MCuCI2 

• 0.1/MKCI 

• unknown solution 

1. Make a two-column data table. Label 

the columns Cation and Flame Color. 

Enter the cation's name for each salt 

solution in the first column. 

2. Label each of 5 test tubes with the 

name of a salt solution; label the sixth 

tube Unknown. Add 1 mL of each salt 

solution to the appropriately labeled 

test tube. 

3. Dip one of the cotton ends of a cotton 

swab into the sodium chloride solution 

and then hold it briefly in the burner 

flame. Record the color of the flame. Do 

not leave the swab in the flame too 

long or the plastic will melt. 

4. Repeat Step 3 for each of the remain¬ 

ing salt solutions using a new cotton 

swab each time. 

5. Perform a flame test with the unknown 

solution. Note the color of the flame. 

Analyze and Conclude 

1. Identify the cation in the unknown. 

2. Each salt solution produces a unique 

color. Would you expect this based on 

the modern view of the atom? Explain. 

3. Some commercially available fireplace 

logs burn with a red and/or green 

flame. On the basis of your data, what 

elements could be responsible for 

these colored flames? 

4. Aerial fireworks contain gunpowder 

and chemicals that produce colors. 

What element would you include to 

produce crimson red? Yellow? 

An Explanation of Atomic Spectra 
Atomic line spectra were known before Bohr proposed his model of the 

hydrogen atom. However, Bohr’s model not only explained why the emis¬ 

sion spectrum of hydrogen consists of specific frequencies of light. It also 

predicted specific values of these frequencies that agreed with experiment. 

In the Bohr model, the lone electron in the hydrogen atom can have 

only certain specific energies. When the electron has its lowest possible 

energy, the atom is in its ground state. In the ground state, the principal 

quantum number [n) is 1. Excitation of the electron by absorbing energy 

raises the atom from the ground state to an excited state with n = 2, 3, 4, 5, 

or 6, and so forth. A quantum of energy in the form of light is emitted when 

the electron drops back to a lower energy level. The emission occurs in a 

single abrupt step, called an electronic transition. Bohr already knew from 

earlier work that this quantum of energy E is related to the frequency v of 

the emitted light by the equation E — hx v, where h is equal to 

6.626 X 10"34 J s. (5 The light emitted by an electron moving from a higher 

to a lower energy level has a frequency directly proportional to the energy 

change of the electron. Therefore each transition produces a line of a spe¬ 

cific frequency in the spectrum. 
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Figure 5.14 shows the explanation for the three groups of lines observed 

in the emission spectrum of hydrogen atoms. The lines at the ultraviolet 

end of the hydrogen spectrum are the Lyman series. These match expected 

values for the emission due to the transition of electrons from higher energy 

levels to the lowest energy level, n = 1. The lines in the visible spectrum are 

the Balmer series. These lines result from transitions from higher energy 

levels to n = 2. This generally involves a smaller change in electron energy 

than transitions to n = 1. Transitions to n = 3 from higher energy levels 

produce the Paschen series. The energy changes of the electron, and 

therefore the frequencies of emitted light, are generally smaller still. The 

lines are in the infrared range. Spectral lines for the transitions from higher 

energy levels to n — 4 and n = 5 also exist. Note that the spectral lines in 

each group become more closely spaced at increased values of n because 

the energy levels become closer together. There is an upper limit to the 

frequency of emitted light for each set of lines. The upper limit exists 

because an electron with enough energy' completely escapes the atom. 

Bohr’s theory of the atom was only partially satisfactory. It explained 

the emission spectrum of hydrogen but not the emission spectra of atoms 

with more than one electron. Moreover, it was of no help in understanding 

how atoms bond to form molecules. Eventually a new and better model, 

the quantum mechanical model, displaced the Bohr model of the atom. 

The quantum mechanical model is based on the description of the motion 

of material objects as waves. 

loint) What is the name of the series of visible lines in the hydrogen 

spectrum? 

^teracinri 
Textbook 

Animation 6 Learn about 
atomic emission spectra and 
how neon lights work. 

with ChemASAP 

Figure 5.14 The three groups of 
lines in the hydrogen spectrum 

correspond to the transitions of 
electrons from higher energy 
levels to lower energy levels. 

The Lyman series corresponds 
to the transitions to the n = 1 
energy level. The Balmer series 

corresponds to the transitions to 
the n = 2 energy level. The 
Paschen series corresponds to 

the transitions to the n = 3 
energy level. 
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Figure 5.15 An electron 
microscope can produce sharp 

images of a very small object, 
such as this mite, because of the 
small wavelength of a moving 
electron compared with that 

of light. 

rGo ^inline 
-— 

For: Links on the 
Photoelectric Effect 

Visit: www.SciLinks.org 
Web Code: cdn-1053 

Quantum Mechanics 
In 1905, Albert Einstein, then a patent examiner in Bern, Switzerland, 

returned to Newton’s idea of particles of light. Einstein successfully 

explained experimental data by proposing that light could be described as 

quanta of energy. The quanta behave as if they were particles. Light quanta 

are called photons. Although the wave nature of light was well known, the 

dual wave-particle behavior of light was difficult for scientists trained in 

classical physics to accept. 

In 1924, Louis de Broglie (1892-1987), a French graduate student, 

asked an important question: Given that light behaves as waves and parti¬ 

cles, can particles of matter behave as waves? De Broglie referred to the 

wavelike behavior of particles as matter waves. His reasoning led him to a 

mathematical expression for the wavelength of a moving particle. The pro¬ 

posal that matter moves in a wavelike way would not have been accepted 

unless experiments confirmed its validity. Only three years later, experi¬ 

ments by Clinton Davisson and Lester Germer at Bell Labs in New fersey 

did just that. The two scientists had been studying the bombardment of 

metals with beams of electrons. They noticed that the electrons reflected 

from the metal surface produced curious patterns. The patterns were like 

those obtained when X-rays (which are electromagnetic waves) reflect 

from metal surfaces. The electrons—believed to be particles—were 

reflected as if they were waves! De Broglie was awarded the Nobel Prize for 

his work on the wave nature of matter. Davisson also received the Nobel 

Prize for his experiments demonstrating the wave nature of electrons. 

Today, the wavelike properties of beams of electrons are useful in mag¬ 

nifying objects. The electrons in an electron microscope have much 

smaller wavelengths than visible light. This allows a much clearer enlarged 

image of a very small object, such as the mite in Figure 5.15, than is possi¬ 

ble with an ordinary microscope. 
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De Broglie’s equation predicts that all moving objects have wavelike 

behavior. Why are you unable to observe the effects of this wavelike motion 

for ordinary objects like baseballs and trains? The answer is that the mass of 

the object must be very small in order for its wavelength to be large enough 

to observe. For example, a 50-gram golf ball traveling at 40 m/s (about 

90 mi/h) has a wavelength of only 3 X 1(T34 m, which is much too small to 

detect experimentally. On the other hand, an electron has a mass of only 

9.11 X lCT28g. If it were moving at a velocity of 40 m/s, it would have a 

wavelength of 2 X 10~5 m, which is comparable to infrared radiation and is 

readily measured. The newer theory is called quantum mechanics; the older 

theory is called classical mechanics. Classical mechanics adequately 

describes the motions of bodies much larger than atoms, while quantum 

mechanics describes the motions of subatomic particles and atoms as 

waves. 

German physicist Werner Heisenberg examined another feature of 

quantum mechanics that is absent in classical mechanics. The Heisenberg 

uncertainty principle states that it is impossible to know exactly both the 

velocity and the position of a particle at the same time. This limitation is 

critical in dealing with small particles such as electrons. The Heisenberg 

uncertainty principle does not matter, however, for ordinary-sized objects 

such as cars or airplanes. 

To understand this principle, consider how you determine the location 

of an object. To locate a set of keys in a dark room, for example, you can use 

a flashlight. You see the keys when the light bounces off them and strikes 

your eyes. Likewise, to locate an electron, you might strike it with a photon 

of light as shown in Figure 5.16. In contrast to the keys, the electron has 

such a small mass that striking it with a photon affects its motion in a way 

that cannot be predicted precisely. So the very act of measuring the posi¬ 

tion of the electron changes its velocity, and makes its velocity uncertain. 

The discovery of matter waves paved the way for Schrodinger’s quan¬ 

tum mechanical description of electrons in atoms. Schrodinger’s theory 

leads to the concept of electron orbitals and configurations, and it includes 

the wavelike motion of matter and the uncertainty principle. 

r interactive 
"lL> Textbook 

Simulation 4 Simulate the 
photoelectric effect. Observe 
the results as a function of 
radiation frequency and 
intensity. 

__._with ChemASAP 

Before collision After collision 
A photon strikes an electron during an The impact changes the electron's 
attempt to observe the electron's velocity, making it uncertain, 

position. 

Figure 5.16 The Heisenberg 

uncertainty principle states that 
it is impossible to know exactly 

both the velocity and the 
position of a particle at the same 
time. 
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Spectroscopist 
If you like the idea of finding the 

chemical content of unknown 

materials in chemical research, 

police investigations, and studies 

of distant stars, you might con¬ 

sider a career as a spectroscopist. 

Spectroscopy is the recording and 

analysis of the wavelengths of 

electromagnetic radiation emit¬ 

ted by samples of materials. Opti¬ 

cal emission spectroscopy uses 

emission lines from atomic transi¬ 

tions in a heated sample of mate¬ 

rial. Spectroscopists observe 

emission lines from the sample by 

using an electronic detector and 

recording its output. The recorded 

data gives the wavelength and the 

intensity of each emission line. 

The characteristic pattern of 

wavelengths and intensities is 

the emission spectrum of the 

sample. 

Spectroscopists use spectrome¬ 

ters, densitometers, and other 

measuring instruments to collect 

data. They analyze the densitome¬ 

ter or spectrometer readings to 

find the ratio of various elements 

in the sample. They calculate the 

relative concentrations of sub¬ 

stances in the sample by com¬ 

paring with data for known 

concentrations. They also use 

their mathematical skills in statis¬ 

tics to calculate a numerical value 

indicating the reliability of each 

analysis. 

Spectroscopists usually have an 

advanced degree in chemistry, 

along with skills in mathematics 

and in using scientific equipment. 

Spectroscopist 

Go inline 
-—PHSchool.com C 

For: Careers in Chemistry 
Visit: PHSchool .com 
Web Code: cdb-1053 

5.3 Section Assessment 

16. Key Concept How are wavelength and fre¬ 

quency of light related? 

17. Key Concept Describe the cause of atomic 

emission spectrum of an element. 

18. Key Concept How is the change in electron 

energy related to the frequency of light emitted 

in atomic transitions? 

19. Key Concept How does quantum mechanics 

differ from classical mechanics? 

20. The lines at the ultraviolet end of the hydrogen 

spectrum are known as the Lyman series. Which 

electron transitions within an atom are responsi¬ 

ble for these lines? 

21. Arrange the following in order of decreasing 

wavelength. 

a. infrared radiation from a heat lamp 

b. dental X-rays 

c. signal from a shortwave radio station 

Handbook 

Color and Transitions Look at the photographs of 
flame tests on page R11 of the Elements Handbook. 

List the colors emitted from strontium compounds 

and from barium compounds when heated in a 
flame, and explain how electron transitions account 

for the specific colors being emitted. 

r W^©[f§]©(5(]W(i 
^ Textbook 

Assessment 5.3 Test yourself 
on the concepts in Section 5.3. 

. with ChemASAP 
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T echnology 8c Society 

Lasers at Work 

A laser produces an intense beam of light with the 

unusual property that the waves contributing to it 

have crests that coincide.The properties of laser light 

make it useful for many different purposes, including 

reading CD-ROMs and DVDs in electronic equipment 

and scanning bar codes at cash registers. Some 

Flashlight beam vs. laser beam Light from 
a flashlight travels in different directions, 
covering a wide area. Light rays from a laser 
travel parallel to one another, resulting in a 
narrow beam of intense light in a specific 
direction. 

industries use high-intensity lasers to cut metal. B The surgeon uses a tool 
called a microkeratome to 

how the properties of a laser beam make it useful for make a Partial cut m the cornea. 

the kind of eye surgery shown. 

DA surgeon prepares for laser 
eye surgery to reshape the 

cornea, or clear outermost part of the 
eye, so that the patient no longer 
needs eyeglasses to see clearly. 

DA laser removes some tissue to change the shape 
of the cornea and correct the patient's vision. 

a The doctor 
lifts and folds 

back the cornea. 
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Study Guide 

Key Concepts 

O 5.1 Models of the Atom 

• Rutherford’s planetary model could not 
explain the chemical properties of elements. 

• Bohr proposed that electrons move only in 
specific circular paths, or orbits, around the 
nucleus. 

• The quantum mechanical model determines 
the allowed energies an electron can have 
and how likely it is to be found in various 
locations around the nucleus. 

• Each sublevel of a principal energy level cor¬ 
responds to an orbital shape describing 
where the electron is likely to be found. 

<f^ 5.2 Electron Arrangement in Atoms 

• Three rules—the aufbau principle, the Pauli 
exclusion principle, and Hund’s rule—tell 
you how to find the electron configurations 
of atoms. 

• Some actual electron configurations differ 
from those assigned using the aufbau princi¬ 
ple because half-filled levels are not as stable 
as filled levels, but they are more stable than 
other configurations. 

(^ 5.3 Physics and the Quantum Mechanical Model 

• The wavelength and frequency of light are 
inversely proportional to each other. 

• When atoms absorb energy, electrons move 
into higher energy levels. These electrons 
then lose energy by emitting light when the 
electrons drop back to lower energy levels. 

• The light emitted by an electron moving 
from a higher to a lower energy level has a 
frequency directly proportional to the energy 
change of the electron. 

• Classical mechanics adequately describes 
the motions of bodies much larger than 
atoms, while quantum mechanics describes 
the motions of subatomic particles and 
atoms as waves. 

Vocabulary 

amplitude (p. 138) 
atomic emission spectrum 
(p. 141) 
atomic orbital (p. 131) 
aufbau principle (p. 133) 
electromagnetic radiation 
(p. 139) 
electron configurations (p. 133) 

• energy levels (p. 128) 
• frequency (p. 138) 
• ground state (p. 142) 
• Heisenberg uncertainty 

principle (p. 145) 
• hertz (p. 138) 
• Hund’s rule (p. 134) 
• Pauli exclusion principle 

(p. 134) 

• photons (p. 144) 
• quantum (p. 128) 
• quantum mechanical model 

(p. 130) 
• spectrum (p. 139) 
• wavelength (p. 138) 

Key Equation 

• c = Xv 

Organizing Information 

Use these terms to construct a 
concept map that organizes the 
major ideas of this chapter. 

Concept Map 5 Solve the 
concept map with the help of 
an interactive guided tutorial. 

•_with ChemASAP 

’ Textbook 
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Assessment 

CHAPTER 

5 
Reviewing Content 

5.1 Models of the Atom 

22. What was inadequate about Rutherford’s model 

of the atom? Which subatomic particles did 

Thomson include in the plum-pudding model of 

the atom? 

23. What did Bohr assume about the motion of 

electrons? 

24. Describe Rutherford’s model of the atom and 

compare it with the model proposed by his stu¬ 

dent Niels Bohr. 

25. What is the significance of the boundary of an 

electron cloud? 

26. What is an atomic orbital? 

27. How many orbitals are in the 2p sublevel? 

28. Sketch Is, 2s, and 2p orbitals using the same 

scale for each. 

29. How many sublevels are contained in each of 

these principal energy levels? 

a. n = 1 b. n = 2 c. n = 3 d. n — 4 

5.2 Electron Arrangement in Atoms 

30. How many electrons are in the highest occupied 

energy level of these atoms? 

a. barium b. sodium 

c. aluminum d. oxygen 

31. What are the three rules that govern the filling of 

atomic orbitals by electrons? 

32. Write electron configurations for the elements 

that are identified only by these atomic numbers, 

a. 15 b. 12 c. 9 d. 18 

33. What is meant by 3p3? 

34. Give electron configurations for atoms of these 

elements: 

a. Na b. S c. Mg d. Ne e. K 

35. Which of these orbital designations are invalid? 

a. 45 b. 3/ c. 2d d. 3d 

36. What is the maximum number of electrons that 

can go into each of the following sublevels? 

a. 2s b. 3p c. 45 d. 3d 

e. 4p f. 55 g. 4/ h. 5p 

37. Arrange the following sublevels in order of 

increasing energy: 

3d, 2s, 45, 3p. 

38. How many electrons are in the second energy 

level of an atom of each element? 

a. chlorine b. phosphorus c. potassium 

39. Write electron configurations for atoms of these 

elements. 

a. selenium b. vanadium 

c. nickel d. calcium 

5.3 Physics and the Quantum Mechanical Model 

40. List the colors of the visible spectrum in order of 

increasing wavelength. 

41. What is meant by the frequency of a wave? What 

are the units of frequency? Describe the rela¬ 

tionship between frequency and wavelength. 

42. Use a diagram to illustrate each term for a wave. 

a. wavelength 

b. amplitude 

c. cycle 

43. Explain the difference between the energy lost 

or gained by an atom according to the laws of 

classical physics and according to the quantum 

model of an atom. 

44. How are ultraviolet radiation and microwave 

radiation the same? How are they different? 

45. Consider the following regions of the electromag¬ 

netic spectrum: (i) ultraviolet, (ii) X-ray, (iii) visible, 

(iv) infrared, (v) radio wave, (vi) microwave. 

a. Use Figure 5.10 to arrange them in order of 

decreasing wavelength. 

b. How does this order differ from that of 

decreasing frequency? 

46. List one way in which each of the radiations 

listed in Question 45 is used. 

47. What happens when a hydrogen atom absorbs a 

quantum of energy? 

48. When white light is viewed through sodium 

vapor in a spectroscope, the spectrum is contin¬ 

uous except for a dark line at 589 nm. How can 

you explain this observation? 

49. The transition of electrons from higher energy 

levels to the n = 2 energy level results in the 

emission of light from hydrogen atoms. In what 

part of the spectrum is the emitted light, and 

what is the name given to this transition series? 

Assessment 149 



CHAPTER 

k. 
Assessment continued 

Understanding Concepts 

50. Give the symbol for the atom that corresponds 

to each electron configuration. 

a. ls22s22p63s23p6 

b. ls22s22p63s23p63d104s24p64d75s1 

c. ls22s22p63s23p63<i104s24p64<i104/75s25p65<i16s2 

51. Write the electron configuration for an arsenic 

atom. Calculate the total number of electrons in 

each energy level and state which energy levels 

are not full. 

52. How many paired electrons are there in an atom 

of each element? 

a. helium b. boron 

c. sodium d. oxygen 

53. An atom of an element has two electrons in the 

first energy level and five electrons in the second 

energy level. Write the electron configuration for 

this atom and name the element. How many 

unpaired electrons does an atom of this element 

have? 

54. Suppose your favorite AM radio station broad¬ 

casts at a frequency of 1150 kHz. What is the 

wavelength, in centimeters, of the radiation 

from the station? 

55. A mercury lamp, such as the one below, emits 

radiation with a wavelength of 4.36 x 10“7 m. 

a. What is the wavelength of this radiation in 

centimeters? 

b. In what region of the electromagnetic spec¬ 

trum is this radiation? 

c. Calculate the frequency of this radiation. 

56. Sodium vapor lamps are used to illuminate 

streets and highways. The very bright light emit¬ 

ted by these lamps is actually due to two closely 

spaced emission lines in the visible region of the 

electromagnetic spectrum. One of these lines 

has a wavelength of 5.890 x 1CT7 m, and the 

other line has a wavelength of 5.896 x 10-7 m. 

a. What are the wavelengths of these radiations 

in centimeters? 

b. Calculate the frequencies of these radiations. 

c. In what region of the visible spectrum do these 

lines appear? 

57. Give the symbol and name of the elements that 

correspond to these configurations of an atom. 

a. l522522p63s1 

b. ls22s22p3 

c. ls22s22p63s23p2 

d. ls22s22p4 

e. 1 sz2s22p63sz3p64sl 

f. ls22sz2p63s23p63d24s2 

58. Describe how the wavelength changes if the fre¬ 

quency of a wave is multiplied by 1.5. 

59. State the Heisenberg uncertainty principle. 

60. What is the maximum number of electrons that 

can be found in any orbital of an atom? 

61. Pieces of energy are known as 

a. isotopes b. particles 

c. quanta d. line spectra 

62. The lowest sublevel in each principal energy 

level is represented by the symbol 

a. / b. p c. s d. d 

63. Which electron transition results in the emission 

of energy? 

a. 3pto 3s 

b. 3pto 4p 

c. 2s to 2p 

d. Is to 2s 

64. Which is the ground state configuration of a 

magnesium atom? 

a. ls22sz2pe3s2 

b. ls22s22p63s1 

c. 1 s22s23s22p6 

d. ls22s22p43s2 
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Critical Thinking Concept Challenge 

65. Explain the difference between an orbit in the 

Bohr model and an orbital in the quantum 

mechanical model of the atom. 

66. Traditional cooking methods make use of infra¬ 

red radiation (heat). Microwave radiation cooks 

food faster. Could radio waves be used for cook¬ 

ing? Explain. 

67. Think about the currently accepted models of 

the atom and of light. In what ways do these 

models seem strange to you? Why are these mod¬ 

els not exact or definite? 

68. Orbital diagrams for the ground states of two 

elements are shown below. Each diagram shows 

something that is incorrect. Identify the error in 

each diagram and then draw the correct diagram. 

a. Nitrogen \s 2s 2p 

H G3 32 EE 
b. Magnesium i5 2s 2p 3s 

33 33 3313 3D □ 
69. Picture two hydrogen atoms. The electron in the 

first hydrogen atom is in the n — 1 level. The 

electron in the second atom is in the n = 4 level. 

a. Which atom has the ground state electron 

configuration? 

b. Which atom can emit electromagnetic 

radiation? 

c. In which atom is the electron in a larger 

orbital? 

d. Which atom has the lower energy? 

70. Identify the elements whose electrically neutral 

atoms have the following electron configurations. 

a. Is2 2s22p5 

b. Is2 2s22p63s23p64s23d104p2 

c. Is2 2s22p63s23p63d34sz 

71. Which of the following is the ground state of an 

atom? Which is its excited state? Which is an 

impossible electron configuration? Identify the 

element and briefly explain your choices. 

a. Is2 2sz2p63s23p65p1 

b. Is2 2s22p63sz3pe4s1 

c. Is2 2s22p63s23p7 

72. Why do electrons occupy equal energy orbitals 

singly before beginning to pair up? 

The energy of a photon is related to its frequency 

and its wavelength. 

Energy of 
photon (J) 

Frequency 
(s1) 

Wavelength 
(cm) 

3.45 X 10“21 a. 5.77 X 10~3 

2.92 X 10~2° b. 6.82 X 104 

6.29 X 10~2° c. 3.16 X 104 

1.13 X 10~19 d. 1.76 X 104 

1.46 X 1019 e. 1.36 X 10~4 

3.11 X 10“19 f. 6.38 X 10“5 

a. Complete the table above. 

b. Plot the energy of the photon (y-axis) versus 

the frequency (x-axis). 

c. Determine the slope of the line. 

d. What is the significance of this slope? 

74. The average distance between Earth and Mars is 

about 2.08 x 108 km. Plow long does it take to 

transmit television pictures from the Mariner 

spacecraft to Earth from Mars? 

75. Bohr’s atomic theory can be used to calculate 

the energy required to remove an electron from 

an orbit of a hydrogen atom or an ion containing 

only one electron. This is the ionization energy 

for that atom or ion. The formula for determin¬ 

ing the ionization energy (E) is 

E = Z2 X -K 
n2 

where Z is the atomic number, k is 

2.18 X 10-18 J, and n is the energy level. What is 

the energy required to eject an electron from a 

hydrogen atom when the electron is in the 

ground state {n = 1)? In the second energy level? 

How much energy is required to eject a ground 

state electron from the species Li+? 

76. The energy (£) of a photon absorbed or emitted 

by a body is proportional to its frequency (v). 

E= hx v 

The constant h equals 6.63 x 10 34 J-s. What is 

the energy of a photon of microwave radiation 

with a frequency of 3.20 X 1011 s~J? 
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CHAPTER 

5 Assessment continued 

Cumulative Review 

77. Classify each of the following as homogeneous 

or heterogeneous [Chapter 2) 

a. a page of this textbook 

b. a banana split 

c. the water in bottled water 

78. Hamburger undergoes a chemical change when 

cooked on a grill. All chemical changes are sub¬ 

ject to the law of conservation of mass. Yet a 

cooked hamburger will invariably weigh less than 

the uncooked meat patty. Explain. [Chapter 2) 

79. Homogeneous mixtures and compounds are 

both composed of two or more elements. How 

do you distinguish between a homogeneous 

mixture and a compound? [Chapter 2) 

80. The photo shows a magnified view of a small 

piece of granite. Is granite a substance or a 

mixture? [Chapter2) 

81. The diameter of a carbon atom is 77 pm. Express 

this measurement in pm. (Chapter 3) 

82. A silver bar has a mass of 368 g. What is the 

volume, in cm3, of the bar? The density of silver 

is 19.5 g/cm3. [Chapter 3) 

83. Which has more mass, a 28.0-cm3 piece of lead 

or a 16.0-cm3 piece of gold? The density of lead 

is 11.4 g/cm3; the density of gold is 19.3 g/cm3. 

(Chapter 3) 

84. Express the following measurements in scien¬ 

tific notation. [Chapter 3) 

a. 0.000 039 kg b. 784 L 

c. 0.0830 g d. 9 700 000 ng 

85. Which of these quantities or relationships are 

exact? [Chapter3) 

a. 10 cm = 1 dm 

b. 9 baseball players on the field 

c. a diamond has a mass of 12.4 g 

d. the temperature is 21 °C 

86. A one-kilogram steel bar is brought to the moon. 

How are its mass and its weight each affected by 

this change in location? Explain. [Chapter 3) 

87. When a piece of copper with a mass of 36.4 g is 

placed into a graduated cylinder containing 

20.00 mL of water, the water level rises to 

24.08 mL. What is the density of copper? 

(Chapter 3) 

88. The density of gold is 19.3 g/cm3. What is the 

mass, in grams, of a cube of gold 2.00 cm on each 

edge? In kilograms? [Chapter 3) 

89. A balloon filled with helium will rise upward 

when released. What does this show about the 

relative density of helium and air? Explain. 

[Chapter 3) 

90. Give the number of protons and electrons in 

each of the following. [Chapter 4) 

a. Cs b. Ag 

c. Cd d. Se 

91. Explain the difference between the accuracy of a 

measurement and the precision of a measurement. 

92. Which of these was an essential part of Dalton’s 

atomic model? [Chapter 4) 

a. indivisible atoms 

b. electrons 

c. atomic nuclei 

d. neutrons 

93. How do neon-20 and neon-21 differ from each 

other? [Chapter 4) 

94. The mass of an atom should be very nearly the 

sum of the masses of its protons and neutrons. 

The mass of a proton and the mass of a neutron 

are each very close to 1 amu. Why is the atomic 

mass of chlorine, 35.453 amu, so far from a 

whole number? [Chapter 4) 
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Standardized Test Prep 
Test-Taking Tip 

Eliminate wrong answers If you don't know which 

response is correct, start by eliminating those you 

know are wrong. If you can rule out some choices, 

you'll have fewer left to consider and you'll increase 

your chances of choosing the correct answer. 

Select the choice that best answers each question or 

completes each statement. 

1. Select the correct electron configuration for sili¬ 
con, atomic number 14. 
a. ls* 1 22s22p23s23p23d24s2 b. ls22s22p4 53s23p4 
c. ls22s6 7 8 9 102p6 d. \s22s22p63s23p2 

2. Which pair of orbitals has the same shape? 
a. 2s and 2p b. 2s and 3s 
c. 3p and 3d d. More than one is correct. 

3. Which of these statements characterize the 
nucleus of every atom? 

I. It has a positive charge. 
II. It is very dense. 

III. It is composed of protons, electrons, and 
neutrons. 

a. I and II only b. II and III only 
c. I and III only d. I, II, and III 

4. As the wavelength of light increases, 
a. the frequency increases. 
b. the speed of light increases. 
c. the energy decreases. 
d. the intensity increases. 

5. In the third energy level, 
a. there are two energy sublevels. 
b. the/sublevel has 7 orbitals. 
c. there are three s orbitals. 
d. a maximum of 18 electrons are allowed. 

The lettered choices below refer to Questions 6-10. A 
lettered choice may be used once, more than once, or 

not at all. 

(A) s2p6 (B) s2p2 (C) s2 (D) s4p' (E) s2p4 

Which configuration is the configuration of the highest 
occupied energy level for each of these elements? 

6. sulfur 

7. germanium 

8. beryllium 

9. krypton 

10. strontium 

Use the atomic models to answer Questions 11-13. 

11. Which model best represents J. J. Thomson’s 
model of an atom? 

12. Which model was proposed based on data from 
Rutherford’s gold foil experiment? 

13. Which model best represents Dalton’s model of 
the atom? 

Use the drawings to answer Questions 14-17. Each 
drawing represents an electromagnetic wave. 

Waves 

Vw 
A/WWW 
'WWWWVWWV 

14. The wave has the longest wavelength. 

15. The wave has the highest energy, 

16. The wave has the lowest frequency. 

17. The wave has the highest amplitude. 

Write a short essay to answer Question 18. 

18. Explain the rules that determine how electrons 
are arranged around the nuclei of atoms. 
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INTERNATIONAL SIZE CONVERSION 
MEN'S BOTTOMS 

U.S. 28 30 32 34 36 38 40 

U.K. 28 30 32 34 36 38 40 

France 38 40 42 44 46 48 50 

Italy 44 46 48 50 52 54 56 

Germany 38 40 42 44 46 48 50 

Japan 71- 76- 81- 86- 91- 96- 101 
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Trends in Physical Properties 
Procedure 

1. Make a table with five columns. In the first column, 

list the metal elements lithium (Li), sodium (Na), 

potassium (K), rubidium (Rb), and cesium (Cs) in 

order.Title the other four columns Atomic number, 

Melting point, Boiling point, and Density. 

2. Make a similar table for the nonmetal elements 

fluorine (F), chlorine (Cl), bromine (Br), and 

iodine (I). 

3. UseTable B.2 in Appendix B to complete each table. 

Include the appropriate units for each property. 

These jeans are organized by 
color and size. In a periodic table, 
elements with similar properties 
are in the same group. 

MM 

Think About It 

1. For the metals, what are the trends for the 

melting points and boiling points as the 

atomic number increases? 

2. Are the trends for melting and boiling points the 

same for the nonmetals? Explain. 

3. What is the general trend in densities of the metals 

with increasing atomic number? 

4. Why is the range of densities much greater among 

the nonmetals than among the metals? (H/'nf:The 

densities listed are for elements at 0°C.) 



6.1 Organizing the Elements 

Connecting to Your World . 1Q1, 
^ In 1916, a self-service grocery 

store opened in Memphis,Tennessee. Shoppers could select items from 

shelves instead of waiting for a clerk to gather the items for them. In a self- 

service store, the customers must know how to find 

the products. From your experience, you know 

that products are grouped according to sim¬ 

ilar characteristics.You don't expect to find 

fresh fruit with canned fruit, or bottled 

juice with frozen juice. With a logical clas¬ 

sification system,finding and comparing 

products is easy. In this section, you will 

learn how elements are arranged in the 

periodic table and what that arrangement 

reveals about the elements. 

Searching For an Organizing Principle 
A few elements have been known for thousands of years, including copper, 

silver, and gold. Yet only 13 elements had been identified by the year 1700. 

Chemists suspected that other elements existed. They had even assigned 

names to some of these elements, but they were unable to isolate the ele¬ 

ments from their compounds. As chemists began to use scientific methods 

to search for elements, the rate of discovery increased. In one decade 

(1765-1775), chemists identified five new elements, including three color¬ 

less gases—hydrogen, nitrogen, and oxygen. Was there a limit to the num¬ 

ber of elements? How would chemists know when they had discovered all 

the elements? To begin to answer these questions, chemists needed to find 

a logical way to organize the elements. 

Chemists used the properties of elements to sort them into groups. 

In 1829, a German chemist, J. W. Dobereiner (1780-1849), published a clas¬ 

sification system. In his system, elements were grouped into triads. A triad 

is a set of three elements with similar properties. The elements in Figure 6.1 

formed one triad. Chlorine, bromine, and iodine may look different. 

But they have very similar chemical properties. For example, they react 

easily with metals. Dobereiner noted a pattern in his triads. One element 

in each triad tended to have properties with values that fell midway 

between those of the other two elements. For example, the average of 

the atomic masses of chlorine and iodine is [(35.453 + 126.90) /2] or 

81.177 amu. This value is close to the atomic mass of bromine, which 

is 79.904 amu. Unfortunately, all the known elements could not be 

grouped into triads. 

Guide for Reading 

Key Concepts 
• How did chemists begin to 

organize the known elements? 

• How did Mendeleev organize 

his periodic table? 

• How is the modern periodic 

table organized? 

• What are three broad classes 

of elements? 

Vocabulary 

periodic law 

metals 

nonmetals 

metalloid 

Reading Strategy 

Comparing and Contrasting As 

you read, compare and contrast 

Figures 6.4 and 6.5. How are these 

two versions of the periodic table 

similar? How are they different? 

Figure 6.1 Chlorine, bromine, 
and iodine have very similar 

chemical properties. The 
numbers shown are the 
average atomic masses for 

these elements. 

w 
\ 

j 
Chlorine 

35.453 amu 
Bromine 

79.904 amu 
Iodine 

126.90 amu 

Section 6.1 Organizing the Elements 155 



rOAETME. nEPMOAMHECKOrO 3AKOHA 
HMEHAEAEEBA 

r 
t 

VVVV\^A/'^VWVWWVV\AAfl^ 

Figure 6.2 Dimitri Mendeleev 

proposed a periodic table that 
could be used to predict the 
properties of undiscovered 

elements. 

Mendeleev's Periodic Table 
From 1829 to 1869, different systems were proposed, but none of them 

gained wide acceptance. In 1869, a Russian chemist and teacher, Dmitri 

Mendeleev, published a table of the elements. Later that year, a German 

chemist, Lothar Meyer, published a nearly identical table. Mendeleev was 

given more credit than Meyer because he published his table first and 

because he was better able to explain its usefulness. The stamp in Figure 6.2 

is one of many ways that Mendeleev’s work has been honored. 

Mendeleev developed his table while working on a textbook for his stu¬ 

dents. He needed a way to show the relationships among more than 60 ele¬ 

ments. He wrote the properties of each element on a separate note card. 

This approach allowed him to move the cards around until he found an 

organization that worked. The organization he chose was a periodic 

table. Elements in a periodic table are arranged into groups based on a 

set of repeating properties. Mendeleev arranged the elements in his 

periodic table in order of increasing atomic mass. 

Figure 6.3 is an early version of Mendeleev’s periodic table. Look at the 

column that starts with Ti = 50. Notice the two question marks between 

the entries for zinc (Zn) and arsenic (As). Mendeleev left these spaces in his 

table because he knew that bromine belonged with chlorine and iodine. He 

predicted that elements would be discovered to fill those spaces, and he 

predicted what their properties would be based on their locations in the 

table. The elements between zinc and arsenic were gallium and germa¬ 

nium, which were discovered in 1875 and 1886, respectively. There was a 

close match between the predicted properties and the actual properties of 

these elements. This match helped convince scientists that Mendeleev’s 

periodic table was a powerful tool. 

ho Bi, Heii, hhT Kaacexcfl, yxe hcho Bupaxaexca npuirfehhkoctb bu 

cxaBjuieaaro hhoio Baxajia ko Bceft cobokvhhocth 9.ieHeHT0Bi>, nail 
KOTOpUXt H3BiCTCHT> Cl ,H,OCXOBipHOCli». Ha 3T0TB pa3% a H xe.laj'i, 

upeHMymecTBeHHO HaifaxH o6my» cncxexy aaeiieHTOBi,. Boxi, 3xoxx> 
omiTx>: 

Ti = 50 Zr = 90 ? = 1S0. 
V = 51 S

' 
cr

 
II C
D

 

If*
- 

Ta=lS2. 
0 = 52 Mo = 96 \V = 186. 

Mn = 55 Rh = 104,4 Pt= 197,4 

Fe = 56 Ru = 104,4 Ii-= 198. 

NT = Co = 59 Pl= 106o, 0» = 199. 
H = i On = 63,4 Ag=108 Hg=200. 

Be=9,4 Mg = 24 Z n = 65,2 Cd = 112 

B=11 A) = 27,4 ?=63 Ur=116 An = 197? 
C=12 Si = 28 ?= 70 Sn= 118 

N=14 P = 31 As = 75 Sb = 122 Bi=210 

Figure 6.3 In this early version 0=16 S = 32 Se=79,4 Te= 128? 

of Mendeleev's periodic table, F=19 CI = 35,j Br=30 1=127 

the rows contain elements Li = 7 Na = 23 K=39 Rb = 85,4 Cs=133 Tl = 204 

with similar properties. Ca = 40 Sr= i7,b Ba= 137 Pb=207. 

Observing A fourth element ?=45 Ce = 92 

is grouped with chlorine (Cl), ?Er=56 La=94 

bromine (Br), and (1) iodine. ?Yt=60 Di = 95 

What is this element's symbol? ?1 n = 75,6 Th = 113? 
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H He 

6 

c 

7 

N 
8 

0 

9 

F 

ii 12 13 14 15 16 17 18 

Na Mg Al Si P s Cl Ar 

19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36 

K Ca Sc Ti V Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr 

37 38 39 40 41 42 43 44 45 46 47 48 49 50 51 52 53 54 

Rb Sr Y Zr Nb Mo Tc Ru Rh Pd Ag Cd In Sn Sb Te I Xe 

55 56 57 58 59 60 61 62 63 64 65 66 67 68 69 70 71 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86 

Cs Ba La Ce Pr Nd Pm Sm Eu Gd Tb Dy Ho Er Tm Yb Lu Hf Ta w Re Os lr Pt Au Hg TI Pb Bi Po At Rn 

87 88 89 90 91 92 93 94 95 96 97 98 99 100 101 102 103 104 105 106 107 108 109 110 111 112 114 
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The Periodic Law 
The atomic mass of iodine (I) is 126.90. The atomic mass of tellurium (Te) 

is 127.60. Based on its chemical properties, iodine belongs in a group with 

bromine and chlorine. So Mendeleev broke his rule and placed tellurium 

before iodine in his periodic table. He assumed that the atomic masses for 

iodine and tellurium were incorrect, but they were not. Iodine has a smaller 

atomic mass than tellurium does. A similar problem occurred with other 

pairs of elements. The problem wasn’t with the atomic masses but with 

using atomic mass to organize the periodic table. 

Mendeleev developed his table before scientists knew about the struc¬ 

ture of atoms. He didn’t know that the atoms of each element contain a 

unique number of protons. Remember that the number of protons is the 

atomic number. In 1913, a British physicist, Henry Moseley, determined an 

atomic number for each known element. Tellurium’s atomic number is 

52 and iodine’s is 53. So it makes sense for iodine to come after tellurium 

in the periodic table, In the modern periodic table, elements are 

arranged in order of increasing atomic number. 

The elements in Figure 6.4 are arranged in order of atomic,number, 

starting with hydrogen, which has atomic number 1. There are seven rows, 

or periods, in the table. Period 1 has 2 elements, Period 2 has 8 elements, 

Period 4 has 18 elements, and Period 6 has 32 elements. Each period corre¬ 

sponds to a principal energy level. There are more elements in higher num¬ 

bered periods because there are more orbitals in higher energy levels. 

(Recall the rules you studied in Chapter 5 for how electrons fill orbitals.) 

The elements within a column, or group, in the periodic table have 

similar properties. The properties of the elements within a period change 

as you move across a period from left to right. However, the pattern of 

properties within a period repeats as you move from one period to the next. 

This pattern gives rise to the periodic law: When elements are arranged in 

order of increasing atomic number, there is a periodic repetition of their 

physical and chemical properties. 

(^fcheckpoint) How many periods are there in a periodic table? 

Figure 6.4 In the modern 

periodic table, the elements 
are arranged in order of 

increasing atomic number. 
Interpreting Diagrams 
How many elements are 

there in the second period? 

Word Origins 
Periodic comes from the 

Greek roots peri meaning 

"around" and hodos, mean¬ 

ing "path." In a periodic 

table, properties repeat 

from left to right across each 

period. The Greek word 

metron means "measure." 

What does perimeter 

mean? 

Section 6.1 Organizing the Elements 157 



1 
l 

IIA IIIB IVB VB IVB VIB 2 

H 2A Metals Metalloids Nonmetals 3A 4A 5A 6A 7A He 
3 

Li 
4 

Be 
8 9 10 ii 

IB 
12 

5 

B 
6 

c 
7 

N 
8 

0 

9 

F 
10 

Ne 
11 12 IIIA IVA VA VIA VIIA IIB 13 14 15 16 17 18 

Na Mg 3B 4B 5B 6B 7B 8B IB 2B Al Si P s Cl Ar 
19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36 

K Ca Sc Ti V Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr 
37 38 39 40 41 42 43 44 45 46 47 48 49 50 51 52 53 54 

Rb Sr Y Zr INib Mo Tc Ru Rh Pd Ag Cd In Sn Sb Te I Xe 
55 56 71 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86 

Cs Ba Lu Hf Ta W Re Os Ir Pt Au Hg TI Pb Bi Po At Rn 
87 

Fr 
88 

Ra 
103 

Lr 
104 

Rf 
105 

Db 
106 

Sg 
107 

Bh 
108 

Hs 
109 

Mt 
110 

Ds 
111 

Rg 
112 

Uub 
114 

Uuq 

Figure 6.5 One way to classify 
elements in the periodic table 
is as metals, nonmetals, and 
metalloids. Inferring What is 

the purpose for the black stair¬ 
step line? 
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Metals, Nonmetals, and Metalloids 
Most periodic tables are laid out like the one in Figure 6.5. Some elements 

from Periods 6 and 7 are placed beneath the table. This arrangement makes 

the periodic table more compact. It also reflects an underlying structure of 

the periodic table, which you will study in Section 6.2. Each group in the 

table in Figure 6.5 has three labels. Scientists in the United States used the 

labels shown in red. Scientists in Europe used the labels shown in blue. 

There is some overlap between the systems, but in many cases two differ¬ 

ent groups have the same letter and number combination. 

For scientists to communicate clearly, they need to agree on the stan¬ 

dards they will use. The International Union of Pure and Applied Chemis¬ 

try (IUPAC) is an organization that sets standards for chemistry. In 1985, 

IUPAC proposed a new system for labeling groups in the periodic table. 

They numbered the groups from left to right 1 through 18 (the black labels 

in Figure 6.5). The large periodic table in Figure 6.9 includes the IUPAC sys¬ 

tem and the system used in the United States. The latter system will be 

most useful when you study how compounds form in Chapters 7 and 8. 

Dividing the elements into groups is not the only way to classify them 

based on their properties. The elements can be grouped into three broad 

classes based on their general properties. Three classes of elements are 

metals, nonmetals, and metalloids. Across a period, the properties of ele¬ 

ments become less metallic and more nonmetallic. 

Metals The number of yellow squares in Figure 6.5 shows that most ele¬ 

ments are metals—about 80 percent. Metals are good conductors of heat 

and electric current. A freshly cleaned or cut surface of a metal will have a 

high luster, or sheen. The sheen is caused by the metal’s ability to reflect 

light. All metals are solids at room temperature, except for mercury (Hg). 

Many metals are ductile, meaning that they can be drawn into wires. Most 

metals are malleable, meaning that they can be hammered into thin sheets 

without breaking. Figure 6.6 shows how the properties of metals can deter¬ 

mine how metals are used. 
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Nonmetals In Figure 6.5, blue is used to identify the nonmetals. These 

elements are in the upper-right corner of the periodic table. There is a 

greater variation in physical properties among nonmetals than among 

metals. Most nonmetals are gases at room temperature, including the main 

components of air—nitrogen and oxygen. A few are solids, such as sulfur 

and phosphorus. One nonmetal, bromine, is a dark-red liquid. 

The variation among nonmetals makes it difficult to describe one set of 

general properties that will apply to all nonmetals. However, nonmetals are 

not metals, as their name implies. So they tend to have properties that are 

opposite to those of metals. In general, nonmetals are poor conductors of 

heat and electric current. Carbon is an exception to this rule. Solid nonmet¬ 

als tend to be brittle, meaning that they will shatter if hit with a hammer. 

(^Checkpoint) Which type of elements tend to be good conductors of heat 

and electric current? 

Figure 6.6 The metals iron, copper, 

and aluminum have many important 

uses. How each metal is used is 

determined by its properties. 

Iron (Fe) 

The Gateway Arch in St. Louis, 

Missouri, is covered in stainless 

steel containing iron and two 

other metals, chromium (Cr) 

and nickel (Ni). The steel is 
shiny, malleable, and strong. 

It also resists rusting. 
Copper (Cu) 

Copper is ductile and second 
to only silver as a conductor 

of electric current. The copper 

used in electrical cables must 
be 99.99% pure. 

Aluminum (Al) 
Aluminum is one of the metals that 

can be shaped into a thin sheet, or 
foil. To qualify as a foil, a metal must 
be no thicker than about 0.15 mm. 
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Metalloids There is a heavy stair-step line in Figure 6.5 that separates the 

metals from the nonmetals. Most of the elements that border this line are 

shaded green. These elements are metalloids. A metalloid generally has 

properties that are similar to those of metals and nonmetals. Under some 

conditions, a metalloid may behave like a metal. Under other conditions, 

it may behave like a nonmetal. The behavior often can be controlled by 

changing the conditions. For example, pure silicon is a poor conductor 

of electric current, like most nonmetals. But if a small amount of boron is 

mixed with silicon, the mixture is a good conductor of electric current, like 

most metals. Silicon can be cut into wafers, like those being inspected 

in Figure 6.7, and used to make computer chips. 

Figure 6.7 Pancake-sized 

circular slices of silicon, called 
wafers, are used to make 
computer chips. Because a tiny 
speck of dust can ruin a wafer, 

the people who handle the 
wafers must wear "bunny" suits. 

The suits prevent skin, hair, or lint 
from clothing from entering the 

room's atmosphere. 

I 

i 

6.1 Section Assessment 

1. Key Concept How did chemists begin the 

process of organizing elements? 

2. Key Concept What property did Mendeleev 

use to organize his periodic table? 

3. Key Concept How are elements arranged in 

the modern periodic table? 

4. ® Key Concept Name the three broad classes 

of elements. 

5. Which of these sets of elements have similar 

physical and chemical properties? 

a. oxygen, nitrogen, carbon, boron 

b. strontium, magnesium, calcium, beryllium 

c. nitrogen, neon, nickel, niobium 

6. Identify each element as a metal, metalloid, 

or nonmetal. 

a. gold b. silicon 

c. sulfur d. barium 

7. Name two elements that have properties similar 

to those of the element sodium. 

Connecting Concepts 

Atomic Number What does an atomic number tell 
you about the atoms of an element? Why is atomic 
number better than atomic mass for organizing the 

elements in a periodic table? Use what you learned in 
Section 4.2 to answer this question. 

Textbook 
Assessment 6.1 Test yourself 
on the concepts in Section 6.1. 

__with ChemASAP 
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6.2 Classifying the Elements L 

Connecting to Your World T, . + . c . 4 
^ The sculptor Augustus Saint- 

Gaudens designed this gold coin at the request of Theodore Roosevelt. 

President Roosevelt wanted coins minted in the United States to be as 

beautiful as ancient Greek coins, which he admired.The coin is an example 

of a double eagle.The name derives from the fact 

that the coin was worth twice as much as $10 

coins called eagles. A coin may contain a 

lot of information in a small space—its 

value, the year it was minted, and its 

country of origin. Each square in a peri¬ 

odic table also contains a lot of informa¬ 

tion. In this section, you will learn what 

types of information are usually listed in a 

periodic table. 

Squares in the Periodic Table 
The periodic table displays the symbols and names of the elements, 

along with information about the structure of their atoms. Figure 6.8 

shows one square from the detailed periodic table of the elements in Figure 

6.9 on page 162. In the center of the square is the symbol for sodium (Na). 

The atomic number for sodium (11) is above the symbol. The element 

name and average atomic mass are below the symbol. There is also a verti¬ 

cal column with the numbers 2, 8, and 1, which are the number of electrons 

in each occupied energy level of a sodium atom. 

The symbol for sodium is printed in black because sodium is a solid at 

room temperature. In Figure 6.9, the symbols for gases are in red. The sym¬ 

bols for the two elements that are liquids at room temperature, mercury 

and bromine, are in blue. The symbols for some elements in Figure 6.9 are 

printed in green. These elements are not found in nature. In Chapter 25, 

you will learn how scientists produce these elements. 

The background colors in the squares are used to distinguish groups of 

elements. For example, two shades of gold are used for the metals in 

Groups 1A and 2A. The Group 1A elements are called alkali metals, and the 

Group 2A elements are called alkaline earth metals. The name alkali comes 

from the Arabic al aqali, meaning “the ashes.” Wood ashes are rich in com¬ 

pounds of the alkali metals sodium and potassium. Some groups of non- 

metals also have special names. The nonmetals of Group 7A are called 

halogens. The name halogen comes from the combination of the Greek 

word hals, meaning salt, and the Latin word genesis, meaning “to be born.” 

There is a general class of compounds called salts, which include the com¬ 

pound called table salt. Chlorine, bromine and iodine, the most common 

halogens, can be prepared from their salts. 

Guide for Reading 

<25* Key Concepts 
• What type of information 

can be displayed in a 

periodic table? 

• How can elements be 

classified based on their 

electron configurations? 

Vocabulary 
alkali metals 

alkaline earth metals 

halogens 

noble gases 

representative elements 

transition metal 

inner transition metal 

Reading Strategy 
Relating Text and Visuals 

As you read, look carefully at 

Figure 6.9. After you read the 

section, explain what you can tell 

about an element from the color 

assigned to its square and the 

color assigned to its symbol. 

Figure 6.8 This is the element 
square for sodium from the 

periodic table in Figure 6.9. 
Interpreting Diagrams What 
does the data in the square tell 
you about the structure of 
sodium atoms? 

ii ; 

Na 
Sodium 
,22.990, 

Atomic number 

Electrons in each 
energy level 

Element symbol 

Element name 

Average 
atomic mass 
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Periodic Table of the Elements 
1 

1A 

1 

H 
Hydrogen 

1.0079 

Representative Elements Transition Elements 

3 i 

Li 
Lithium 

6.941 

11 

2 

2A 

4 

Be 
Beryllium 

9.0122 

12 

Alkali Metals 

Alkaline Earth Metals 

Other Metals 

Metalloids 

Nonmetals 

Noble Gases 

Transition Metals 

Inner transition metals 
Br 

He 

Tc 

Solid 

Liquid 

Gas 

Not found 
in nature 

Na 
Sodium 
22.990 

Mg 
Magnesium 

24.305 

3 

3B 
4 

4B 
5 

5B 
6 

6B 
7 

7B 
8 9 

8B 

19 8 

K ' 
Potassium 

39.098 

20 a 

Ca 1 
Calcium 

40.08 

21 8 

Sc 5 
Scandium 

44.956 

22 s i° 
Ti 

Titanium 
47.90 

23 8 

w 11 

V 2 
Vanadium 

50.941 

24 s 
_ 13 

Cr 1 
Chromium 

51.996 

25 s 

Mn° 
Manganese 

54.938 

26 a 
r- 1* 

Fe 2 
Iron 

55.847 

27 s 
_ 15 

Co 2 
Cobalt 
58.933 

37 8 

Rb : 
Rubidium 

85.468 

38 s 
^ 18 Sr i 

Strontium 
87.62 

39 s 
18 Y l 

Yttrium 
88.906 

40 s 
18 

Zr 
Zirconium 

91.22 

41 8 

Nb ” 
Niobium 
92.906 

42 8 

Mo'5 
Molybdenum 

95.94 

43 s 
18 

Technetium 
(98) 

44 s 
__ 18 

Ru" 
Ruthenium 

101.07 

45 s 

Rh t 

Rhodium 
102.91 

55 s 
18 

Cs i 

Cesium 
132.91 

56 s 
„ 18 

Ba 1 

Barium 
137.33 

71 8 

1 18 Lu 1 
2 

Lutetium 
174.97 

72 s 

Hf 5 

Hafnium 
178.49 

73 s 
_a 18 

Ta 8 

Tantalum 
180.95 

74 s 

W 1 
2 

Tungsten 
183.85 

75 s 

Re 8 

Rhenium 
186.21 

76 s 
_ 18 

Os 3 
2 

Osmium 
190.2 

77 a 

T 18 

Ir s 

Iridium 
192.22 

87 s 
P IB 

Fr s 

Francium i 
(223) 

88 s 
_ 18 

Ra 3 

Radium 2 
(226) 

103 s 
18 

Lr s 
9 

Lawrencium 2 
(262 

104 s 
18 

Rf 8 
10 

Rutherfordium 2 
(261) 

105 s 

Dbi 
Dubnium 2 

(262) 

106 s 
18 

i : £ 
_ . . 12 
Seaborgium 2 

(263) 

107 s 

BhI 
„ , . 13 
Bohrium 2 

(264) 

108 s 
18 

8 
Hassium 2 

(265) 

109 s 
18 

:V S 
15 

Meitnerium 2 
(268) 

Figure 6.9 In this periodic 
table, the colors of the 

boxes are used to classify 

representative elements 
and transition elements. 

Elements 104-114 are the transactinide elements. 

Lanthanide Series 

57 

La 
Lanthanum 

138.91 

58 

Ce 
Cerium 
140.12 

2 
8 

18 
21 

8 
2 

Praseodymium 
140.91 

59 

Pr 
60 

Nd 
Neodymium 

144.24 

61 

Pm 
Promethium 

(145) 

62 

Sitv 
Samarium 

150.4 

Actinide Series 

89 

Ac 
Actinium 

(227) 

90 s 

Thi 
Thorium 2 
232.04 

91 8 
_ 18 

Pa s 
9 

Protactinium 2 
231.04 

92 s 
■ ■ 18 U s 

9 
Uranium 2 

238.03 

93 s 

'£ 
22 

9 
Neptunium 2 

(237) 

94 s 
18 

24 
8 

Plutonium 2 
(244) 
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-Atomic number 

1-Average 
atomic mass 

* The atomic masses in parentheses 
are the mass numbers of the 
longest-lived isotope of elements 
for which a standard atomic mass 
cannot be defined. 

B 
Boron 

10.81 

10 ii 

IB 

12 

2B 

28 s 

Ni ’ 

Nickel 

58.71 

29 s 
_ 18 

Cu 
Copper 

63.546 

30 s 

Zn ' 

Zinc 

65.38 

46 s 

Pd 8 
Palladium 

106.4 

47 s 

- 18 

Ag ’? 

Silver 

107.87 

48 a 

, is 

Cd l 

Cadmium 

112.41 

78 8 
_ 18 

Pt r, 
i 

Platinum 

195.09 

79 s 

Aui 
Gold 1 

196.97 

80 8 

Hg i 
Mercury 

200.59 

110 8 

18 
y s 

17 
Darmstadtium i 

(269) 

111 8 

18 

Y- i 
** 18 

Roentgenium i 

(272) 

112 8 

1 
18 

Ununbium 2 

(277) 

13 

Al 
Aluminum 

26.982 

31 

Ga 
Gallium 

69.72 

Carbon 

12.011 

14 8 

Si 
Silicon 

28.086 

N 
Nitrogen 

14.007 

15 i 
p 

Phosphorus 

30.974 

2 
8 

18 

32 

Ge 
Germanium 

72.59 

33 

As 
Arsenic 

74.922 

2 
8 

18 
5 

49 s 
18 
18 
3 In 

Indium 

114.82 

81 

Tl 
Thallium 

204.37 

50 a 
« 18 

Sn : 
Tin 

118.69 

82 s 
_. 18 

Pb r, 
4 

Lead 

207.2 

114 

*Uuq 
Ununquadium 

51 8 
_ - 18 

Sb i 
Antimony 

121.75 

o 
Oxygen 

15.999 

16 

S 
Sulfur 

32.06 

34 

Se 
Selenium 

78.96 

52 

Te 
Tellurium 

127.60 

2 
8 

18 

6 

2 
8 

18 
18 

6 

Fluorine 

18.998 

17 

Ci 
Chlorine 

35.453 

35 

Br 
Bromine 

79.904 

83 

Bi 
Bismuth 

208.98 

2 
8 

18 

32 

18 

5 

84 

Po 
Polonium 

(209) 

53 

I 
Iodine 

126.90 

85 

At 
Astatine 

(210) 

18 

8A 

* 
Si 

2 
8 
4 

Electrons in each 
energy level 

Element symbol 13 14 15 16 17 

2 

He 
Helium 

4.0026 Silicon- Element name 3A 4A 5A 6A 7A 
* ,28.086, 2 2 2 2 ^ 2 2 

Ne 
Neon 

20.179 

18 

Ar 
Argon 

39.948 

36 

Kr 
Krypton 

83.80 

54 s 

Xe ? 
Xenon 

131.30 

86 

Rn 
Radon 

(222) 

'Name not officially assigned. 

63 s 
18 

Eu 1 
Europium 

151.96 

64 s 

^ ■ 18 

Gd 1 
Gadolinium 

157.25 

65 a 

Tb ; 
2 

Terbium 

158.93 

66 s 
_ 18 

Dy 1 
.2 

Dysprosium 

162.50 

67 a 

Hoi 
Holmium 

164.93 

68 s 

■“ 18 Er 1 
Erbium 

167.26 

69 s 

Tim 
Thulium 

168.93 

2 
70 s 

Yb 1 
2 

Ytterbium 

173.04 

95 l 
Ami 
Americium 2 

(243) 

96 s 
18 
32 
25 

„ ■ 9 
Curium 2 

(247) 

97 s 
18 
32 i 27 

8 
Berkelium 2 

(247) 

98 s 
18 
32 ... V 1 i 28 

8 
Californium 2 

(251) 

99 s 
18 
32 
29 

8 
Einsteinium 2 

(252) 

100 8 
18 

1 . 32 
i 30 

Fermium 2 

(257) 

101 8 
18 

; 32 
; '31 

g 
Mendelevium 2 

(258) 

102 s 
18 
32 

g 
Nobelium 2 

(259) 

Section 6.2 Classifying the Elements 163 



Electron Configurations in Groups 
Electrons play a key role in determining the properties of elements. So 

there should be a connection between an element’s electron configuration 

and its location in the periodic table. Elements can be sorted into noble 

gases, representative elements, transition metals, or inner transition metals 

based on their electron configurations. You may want to refer to Figure 6.9 

as you read about these classes of elements. 

The Noble Gases The blimp in Figure 6.10 is filled with helium. Helium 

is an example of a noble gas. The noble gases are the elements in Group 8A 

of the periodic table. These nonmetals are sometimes called the inert gases 

because they rarely take part in a reaction. The electron configurations for 

the first four noble gases in Group 8A are listed below. 

Helium (He) Is2 

Neon (Ne) 1 s22s22p6 

Argon (Ar) 1s22s22p63s23p6 

Krypton (Kr) 1 s22s22p63s23p63d1 °4s24p6 

Figure 6.10 This blimp contains 
helium, one of the noble gases. 

Applying Concepts What 
does the ability of a helium- 
filled blimp to rise in air tell you 
about the density of helium? 

Look at the description of the highest occupied energy level for each ele¬ 

ment, which is highlighted in yellow. The 5 and p sublevels are completely 

filled with electrons. Chapter 7 will explain how this arrangement of elec¬ 

trons is related to the relative inactivity of the noble gases. 

The Representative Elements Figure 6.11 shows the portion of the 

periodic table containing Groups 1A through 7A. Elements in these groups 

are often referred to as representative elements because they display a wide 

range of physical and chemical properties. Some are metals, some are non- 

metals, and some are metalloids. Most of them are solids, but a few are 

gases at room temperature, and one, bromine, is a liquid. 

In atoms of representative elements, the s and p sublevels of the high¬ 

est occupied energy level are not filled. Look at the electron configurations 

for lithium, sodium, and potassium. In atoms of these Group 1A elements, 

there is only one electron in the highest occupied energy level. The electron 

is in an s sublevel. 

Lithium (Li) 1s22s1 

Sodium (Na) 1s22s22p63s’ 

Potassium (K) 1s22s22p63s23p64s1 

rGo inline 
-"®s7ms 
For: Links on Chemical 

Families 
Visit: www.SciLinks.org 
Web Code: cdn-1062 

In atoms of carbon, silicon, and germanium, in Group 4A, there are four 

electrons in the highest occupied energy level. 

Carbon (C) 1s22s22p2 

Silicon (Si) 1s22s22p63s23p2 

Germanium (Ge) 1 s22s22p63s23p63d104s24p2 

For any representative element, its group number equals the number of 

electrons in the highest occupied energy level. 

(^Checkpoint) Why are noble gases sometimes referred to as inert gases? 
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Magnesium This magnified view of 
a leaf shows the green structures 

where light energy is changed into 

chemical energy. The compound 
chlorophyll, which contains 

magnesium, absorbs the light. 

Sodium When salt lakes 

evaporate, they form salt 
pans like this one in Death 

Valley, California. The main 

salt in a salt pan is 
sodium chloride. •;V 

X 

VIA. V- 

H 
Hydrogen 

1.0079 2A 

K 

Figure 6.11 Some of the 
representative elements 

exist in nature as elements. 

Others are found only 

in compounds. 
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Sulfur These scientists are 

sampling gases being released 
from a volcano through a vent 
called a fumarole. The yellow 

substance is sulfur. 



Transition Elements 
In the periodic table, the B groups separate the A groups on the left side of 

the table from the A groups on the right side. Elements in the B groups, 

which provide a connection between the two sets of representative ele¬ 

ments, are referred to as transition elements. There are two types of transi¬ 

tion elements—transition metals and inner transition metals. They are 

classified based on their electron configurations. 

The transition metals are the Group B elements that are usually dis¬ 

played in the main body of a periodic table. Copper, silver, gold, and iron 

are transition metals. In atoms of a transition metal, the highest occupied s 

sublevel and a nearby d sublevel contain electrons. These elements are 

characterized by the presence of electrons in d orbitals. 

The inner transition metals appear below the main body of the peri¬ 

odic table. In atoms of an inner transition metal, the highest occupied s 

sublevel and a nearby / sublevel generally contain electrons. The inner 

transition metals are characterized by / orbitals that contain electrons. 

Before scientists knew much about inner transition metals, people began 

to refer to them as rare-earth elements. This name is misleading because 

some inner transition metals are more abundant than other elements. 

Blocks of Elements If you consider both the electron configurations 

and the positions of the elements in the periodic table, another pattern 

emerges. In Figure 6.12, the periodic table is divided into sections, or 

blocks, that correspond to the highest occupied sublevels. The s block con¬ 

tains the elements in Groups 1A and 2A and the noble gas helium. The p 

block contains the elements in Groups 3A, 4A, 5A, 6A, 7 A, and 8A, with the 

exception of helium. The transition metals belong to the d block, and the 

inner transition metals belong to the / block. 

You can use Figure 6.12 to help determine electron configurations of 

elements. Each period on the periodic table corresponds to a principal 

energy level. Say an element is located in period 3. You know that the s and 

p sublevels in energy levels 1 and 2 are filled with electrons. You read across 

period 3 from left to right to complete the configuration. For transition ele¬ 

ments, electrons are added to a d sublevel with a principal energy level that 

is one less than the period number. For the inner transition metals, the 

principal energy level of the /sublevel is two less than the period number. 

This procedure gives the correct electron configurations for most atoms. 

Figure 6.12 This diagram 

classifies elements into blocks 

according to sublevels that are 

filled or filling with electrons. 

Interpreting Diagrams In the 
highest occupied energy level 
of a halogen atom, how many 

electrons are in the p sublevel? 

d7 d2 d3 d4 d5 d6 d7 d8 d9 d10 

p1 p2 p3 p4 p5p6 

s block 

p block 

d block 

f block 

fl f2 f3 f4 f5 f6 f7 f8 f9 flOfll f12f13f14 
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CONCEPTUAL PROBLEM 6.1 

Using Energy Sublevels to Write Electron Configurations 

Nitrogen is an element that organisms need to remain healthy. How¬ 

ever, most organisms cannot obtain nitrogen directly from air. A few 

organisms can convert elemental nitrogen into a form that can be 

absorbed by plant and animal cells. These include bacteria that live 

in lumps called nodules on the roots of legumes. The photograph 

shows the nodules on a bean plant. Use Figure 6.12 to write the elec¬ 

tron configuration for nitrogen (N), which has atomic number 7. 

Q Analyze Identify the relevant concepts. 

For all elements, the atomic number is equal to 

the total number of electrons. For a representa¬ 

tive element, the highest occupied energy level 

is the same as the number of the period in 

which the element is located. From the group 

in which the element is located, you can tell 

how many electrons are in this energy level. 

Practice Problems 

8. Use Figure 6.9 and Figure 6.12 to write the elec¬ 

tron configurations of the following elements, 

a. carbon b. strontium c. vanadium 

(.Hint: Remember that the principal energy level 

number for elements in the d block is always 

one less than the period number.) 

O Solve Apply concepts to this situation. 

Nitrogen is located in the second period of the 

periodic table and in the third group of the p 

block. Nitrogen has seven electrons. Based on 

Figure 6.12, the configuration for the two elec¬ 

trons in the first energy level is Is2. The config¬ 

uration for the five electrons in the second 

energy level is 2s22p3. 

9. List the symbols for all the elements whose 

electron configurations end as follows. Each n 

represents an energy level. 

a. ns2np] 

b. ns2np5 

c. ns2npend2{n+l)sz 

6.2 Section Assessment 

10. Key Concept What information can be 

included in a periodic table? 

11. Key Concept Into what four classes can 

elements be sorted based on their electron 

configurations? 

12. Why do the elements potassium and sodium have 

similar chemical properties? 

13. Classify each element as a representative element, 

transition metal, or noble gas. 

a. ls22s22p63s23p63dw4s24p6 

b. ls22s22p63s23p63d64s2 

c. ls22sz2p63sz3p2 

14. Which of the following elements are transition 

metals: Cu, Sr, Cd, Au, Al, Ge, Co? 

15. How many electrons are in the highest occupied 

energy level of a Group 5A element? 

Handbook 

Noble Gases Look at the atomic properties of noble 

gases on page R36. Use what you know about the 
structure of atoms to explain why the color produced 

in a gas discharge tube is different for each gas. 

© 

interactive 
Textbook 

Assessment 6.2 Test yourself 
on the concepts in Section 6.2. 

_with ChemASAP 
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True Colors 

Paint consists essentially of a pigment, a binder, and a liquid 

in which the other components are dissolved or dispersed. 

The liquid keeps the mixture thin enough to flow.The 

binder attaches the paint to the surface being painted, and 

the pigment determines the color. Pigments may be natural 

or manufactured.They may be inorganic or organic.The 

same pigment can be used in a water-based or oil-based 

paint. Comparing and Contrasting Describe at least three 

differences between the cave painting and the painting by 

Jacob Lawrence. 

Natural pigments A prehistoric 

artist had a limited choice of 

colors— black from charcoal and 

red, brown, and yellow from oxides 

of iron in Earth's crust.These oxides 

(or ochre) pigments are often 
referred to as earth tones. 

Charred wood is a 

source of charcoal. 

Yellow ochre 

Red ochre 

Prehistoric art Around 14,000 years ago, 

an artist painted this bison on the ceiling of 

a cave in Spain.lt is about two meters long. 
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Cobalt Yellow 

Zinc White 

Manufactured 

Alchemists (and 
made pigments 
in nature.They a 
versions of natu 

Chromium 

Oxide Green 
contain transition 

Manganese Violet 

Red Iron Oxide 

Cadmium Orange 

The Builders, 1974, 

by Jacob Lawrence 

From pigments to paint 

Artists mixed manufactured 

pigments with binders and 

solvents to make paint. 

Although premixed paints 

became available around 

1800,some artists, including 

Jacob Lawrence,continued 
to mix their own paints. 

Cobalt Blue 



Periodic Trends 

Guide for Reading 

Key Concepts 
• What are the trends among the 

elements for atomic size? 

• How do ions form? 

• What are the trends among the 

elements for first ionization 

energy, ionic size, and 

electronegativity? 

• What is the underlying cause 

of periodic trends? 

Vocabulary 
atomic radius 

ion 

cation 

anion 

ionization energy 

electronegativity 

Reading Strategy 
Building Vocabulary After you 

read this section, explain the 

difference between a cation and 

an anion. 

Figure 6.13 This diagram 
lists the atomic radii of 
seven nonmetals. An atomic 

radius is half the distance 
between the nuclei of two 
atoms of the same element 

when the atoms are joined. 

Connecting to Your World An atom doesn,t have a sharp|y 

defined boundary. So the radius of an atom cannot be measured directly. 

There are ways to estimate the sizes of atoms. In one method, a solid is 

bombarded with X rays, and the paths of the X rays 

are recorded on film. Sodium chloride (table 

salt) produced the geometric pattern in the 

photograph. Such a pattern can be used to 

calculate the position of nuclei in a solid. 

The distances between nuclei in a solid 

are an indication of the size of the parti¬ 

cles in the solid. In this section, you will 

learn how properties such as atomic size 

are related to the location of elements in the 

periodic table. 

Trends in Atomic Size 
Another way to think about atomic size is to look at the units that form 

when atoms of the same element are joined to one another. These units 

are called molecules. Figure 6.13 shows models of molecules (molecular 

models) for seven nonmetals. Because the atoms in each molecule are 

identical, the distance between the nuclei of these atoms can be used to 

estimate the size of the atoms. This size is expressed as an atomic radius. 

The atomic radius is one half of the distance between the nuclei of two 

atoms of the same element when the atoms are joined. 

The distances between atoms in a molecule are extremely small. So the 

atomic radius is often measured in picometers. Recall that there are one 

trillion, or 1012, picometers in a meter. The molecular model of iodine in 

Figure 6.13 is the largest. The distance between the nuclei in an iodine mol¬ 

ecule is 280 pm. Because the atomic radius is one half the distance between 

the nuclei, a value of 140 pm (280/2) is assigned as the radius of the iodine 

atom. (^ In general, atomic size increases from top to bottom within a 

group and decreases from left to right across a period. 

Distance between nuclei 

Atomic radius Fluorine (F2) Chlorine (Cl2) Bromine (Br2) Iodine (l2) 
62 pm 102 pm 120 pm 140 pm 
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Atomic Radius Versus Atomic Number 

Group Trends in Atomic Size In the Figure 6.14 graph, atomic radius is 

plotted versus atomic number. Look at the data for the alkali metals 

and noble gases. The atomic radius within these groups increases as the 

atomic number increases. This increase is an example of a trend. 

As the atomic number increases within a group, the charge on the 

nucleus increases and the number of occupied energy levels increases. 

These variables affect atomic size in opposite ways. The increase in positive 

charge draws electrons closer to the nucleus. The increase in the number of 

occupied orbitals shields electrons in the highest occupied energy level 

from the attraction of protons in the nucleus. The shielding effect is greater 

than the effect of the increase in nuclear charge. So the atomic size ihcreases. 

Periodic Trends in Atomic Size Look again at Figure 6.14. In general, 

atomic size decreases across a period from left to right. Each element has 

one more proton and one more electron than the preceding element. 

Across a period, the electrons are added to the same principal energy level. 

The shielding effect is constant for all the elements in a period. The increas¬ 

ing nuclear charge pulls the electrons in the highest occupied energy level 

closer to the nucleus and the atomic size decreases. Figure 6.15 summa¬ 

rizes the group and period trends in atomic size. 

Trends in Atomic Size 
<T,> 
<D 
(/) Size generally decreases CD 
CD 

> 
~CD 

CD 
c 
CD 
CD 

0 
N 

CO 

Figure 6.14 This graph plots 
atomic radius versus atomic 

number for 55 elements. 

INTERPRETING GRAPHS 

a. Analyzing Data Which 

alkali metal has an atomic 

radius of 238 pm? 

b. Drawing Conclusions 
Based on the data for alkali 

metals and noble gases, how 

does atomic size change 

within a group? 
c. Predicting Is an atom of 

barium,atomic number 56, 

smaller or larger than an 
atom of cesium (Cs)? 

Figure 6.15 The size of atoms 
tends to decrease from left to 
right across a period and increase 
from top to bottom within a 

group. Predicting If a halogen 
and an alkali metal are in the 
same period, which one will 

have the larger radius? 
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Lose one electron 
— 1e" 

J Nucleus 

10 e~ 

Sodium atom (Na) Sodium ion (Na+) 

Figure 6.16 When a sodium 

atom loses an electron, it 
becomes a positively charged 
ion. When a chlorine atom 

gains an electron, it becomes 
a negatively charged ion. 
Interpreting Diagrams I/I/hat 

happens to the protons and 
neutrons during these changes? Chlorine atom (Cl) 

Gain one electron 
+ 1e~ 

Nucleus 
17 p+ 
18 n° 

Chloride ion (Cl ) 

Textbook 
Animation 7 Discover the 
ways that atoms of elements 
combine to form compounds. 

--—with ChemASAP 

Ions 
Some compounds are composed of particles called ions. An ion is an atom 

or group of atoms that has a positive or negative charge. An atom is electri¬ 

cally neutral because it has equal numbers of protons and electrons. For 

example, an atom of sodium (Na) has 11 positively charged protons and 11 

negatively charged electrons. The net charge on a sodium atom is zero 

[(11+) + (-11) = 0], 

Positive and negative ions form when electrons are transferred 

between atoms. Atoms of metals, such as sodium, tend to form ions by 

losing one or more electrons from their highest occupied energy levels. 

A sodium atom tends to lose one electron. Figure 6.16 compares the atomic 

structure of a sodium atom and a sodium ion. In the sodium ion, the 

number of electrons (10) is no longer equal to the number of protons (11). 

Because there are more positively charged protons than negatively charged 

electrons, the sodium ion has a net positive charge. An ion with a positive 

charge is called a cation. The charge for a cation is written as a number 

followed by a plus sign. If the charge is 1 +, the number 1 is usually omitted 

from the symbol for the ion. So Na+ is equivalent to Na1+. 

Atoms of nonmetals, such as chlorine, tend to form ions by gaining one 

or more electrons. A chlorine atom tends to gain one electron. Figure 6.16 

compares the atomic structure of a chlorine atom and a chloride ion. In a 

chloride ion, the number of electrons (18) is no longer equal to the number 

of protons (17). Because there are more negatively charged electrons than 

positively charged protons, the chloride ion has a net negative charge. An 

ion with a negative charge is called an anion. The charge for an anion is 

written as a number followed by a minus sign. 

(^Checkpoint) What is the difference between a cation and an anion? 
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Trends in Ionization Energy 
Recall that electrons can move to higher energy levels when atoms absorb 

energy. Sometimes there is enough energy to overcome the attraction of the 

protons in the nucleus. The energy required to remove an electron from an 

atom is called ionization energy. This energy is measured when an element 

is in its gaseous state. The energy required to remove the first electron from 

an atom is called the first ionization energy. The cation produced has a 1 + 

charge. First ionization energy tends to decrease from top to bottom 

within a group and increase from left to right across a period. 

Table 6.1 lists the first, second, and third ionization energies for the 

first 20 elements. The second ionization energy is the energy required to 

remove an electron from an ion with a 1 + charge. The ion produced has a 

2+ charge. The third ionization energy is the energy required to remove an 

electron from an ion with a 2+ charge. The ion produced has a 3+ charge. 

Ionization energy can help you predict what ions elements will form. 

Look at the data in Table 6.1 for lithium (Li), sodium (Na), and potassium 

(K). The increase in energy between the first and second ionization ener¬ 

gies is large. It is relatively easy to remove one electron from a Group 1A 

metal atom, but it is difficult to remove a second electron. So Group 1A 

metals tend to form ions with a 1 + charge. 

Table 6.1 

Ionization Energies of First 20 Elements (kJ/mol*) 

Symbol First Second Third 

H 1312 

He (noble gas) 2372 5247 

Li 520 7297 11,810 

Be 899 1757 14,840 

B 801 2430 3659 

C 1086 2352 4619 

N 1402 2857 4577 

0 1314 3391 5301 

F 1681 3375 6045 

Ne (noble gas) 2080 3963 6276 

Na 496 4565 6912 

Mg 738 1450 7732 

Al 578 1816 2744 

Si 786 1577 3229 

P 1012 1896 2910 

S 999 2260 3380 

Cl 1256 2297 3850 

Ar (noble gas) 1520 2665 3947 

K 419 3069 4600 

Ca 590 

— 

1146 4941 

*An amount of matter equal to the atomic mass in grams. 
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Figure 6.17 This graph reveals 

group and period trends for 
ionization energy. 

First Ionization Energy Versus Atomic Number 

INTERPRETING GRAPHS 

a. Analyzing Data Which 
element in period 2 has the 
lowest first ionization energy? 

In period 3? 
b. Drawing Conclusions 
What is the group trend for 
first ionization energy for 
noble gases and alkali metals? 

c. Predicting Ifyoudrewa 
graph for second ionization 
energy, which element would 
you have to omit? Explain. 

Group Trends in Ionization Energy Figure 6.17 is a graph of first ion¬ 

ization energy versus atomic number. Each red dot represents the data for 

one element. Look at the data for the noble gases and the alkali metals. In 

general, first ionization energy decreases from top to bottom within a 

group. Recall that the atomic size increases as the atomic number increases 

within a group. As the size of the atom increases, nuclear charge has a 

smaller effect on the electrons in the highest occupied energy level. So less 

energy is required to remove an electron from this energy level and the first 

ionization energy is lower. 

Periodic Trends in Ionization Energy In general, the first ionization 

energy of representative elements tends to increase from left to right across 

a period. This trend can be explained by the nuclear charge, which 

increases, and the shielding effect, which remains constant. The nuclear 

charge increases across the period, but the shielding effect remains con¬ 

stant. So there is an increase in the attraction of the nucleus for an electron. 

Thus, it takes more energy to remove an electron from an atom. Figure 6.18 

summarizes the group and period trends for first ionization energy. 

Figure 6.18 First ionization 

energy tends to increase from 
left, to right across a period and 
decrease from top to bottom 
within a group. 

Predicting Which element 

would have the larger first 
ionization energy—an alkali 
metal in period 2 or an alkali 
metal in period 4? 
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Trends in First Ionization Energy 

Energy generally increases 
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Ionic Radii vs. Atomic Number 

Periodic Trends in Ionic Radii 

Purpose 

Make a graph of ionic 

radius versus atomic 

number and use the 

graph to identify periodic 

and group trends. 

Materials 
• graph paper 

Procedure 

Use the data presented in Figure 6.19 to 

plot ionic radius versus atomic number. 

Analyze and Conclude 

1. Describe how the size changes when 

an atom forms a cation and when an 

atom forms an anion. 

2. How do the ionic radii vary within a 

group of metals? How do they vary 

within a group of nonmetals? 

3. Describe the shape of a portion of the 

graph that corresponds to one period. 

0 10 20 30 40 50 60 

Atomic number 

4. Is the trend across a period similar or 

different for periods 2,3,4, and 5? 

5. Propose explanations for the trends 

you have described for ionic radii 

within groups and across periods. 

1A 

* 30 

H 

8A 

50 

He 

Figure 6.19 Atomic and 
ionic radii are an indication 

of the relative size of atoms 
and ions. The data listed 

in Figure 6.19 are reported 
in picometers (pm). 
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Figure 6.20 This diagram 

compares the relative sizes of 
atoms and ions for selected alkali 
metals and halogens. The data 
are given in picometers. 
Comparing and Contrasting 
What happens to the radius 
when an atom forms a cation? 
When an atom forms an anion? 

Group 1A Group 7A 

LiL 
—«*6 Li + 
-► ? - - 

156 60 62 133 

■Nla 

e- 
Na+ 

- 
e^Cl^ 

Cl 

191 95 102 181 

kM 
_*' K* 
f—- j v Br N* — Br- 

238 133 120 196 

Trends in Ionic Size 
During reactions between metals and nonmetals, metal atoms tend to lose 

electrons and nonmetal atoms tend to gain electrons. The transfer has a 

predictable affect on the size of the ions that form. <T^ Cations are always 

smaller than the atoms from which they form. Anions are always larger 

than the atoms from which they form. 

Figure 6.20 compares the relative sizes of the atoms and ions for three 

metals in Group 1A. For each of these elements, the ion is much smaller 

than the atom. For example, the radius of a sodium ion (95 pm) is about 

half the radius of a sodium atom (191 pm). When a sodium atom loses an 

electron, the attraction between the remaining electrons and the nucleus 

is increased. The electrons are drawn closer to the nucleus. Also, metals 

that are representative elements tend to lose all their outermost electrons 

during ionization. So the ion has one fewer occupied energy level. 

The trend is the opposite for nonmetals like the halogens in Group 7A. 

For each of these elements, the ion is much larger than the atom. For exam¬ 

ple, the radius of a fluoride ion (133 pm) is more than twice the radius of a 

fluorine atom (62 pm). As the number of electrons increases, the attraction 

of the nucleus for any one electron decreases. 

Look back at Figure 6.19. From left to right across a period, two trends 

are visible—a gradual decrease in the size of the positive ions followed by a 

gradual decrease in the size of the negative ions. Figure 6.21 summarizes 

the group and periodic trends in ionic size. 

Trends in Ionic Size 
Size of cations decreases Size of anions decreases 

Figure 6.21 The ionic radii for (/) 
CD 

cations and anions decrease 
C/) 
CO 

from left to right across periods 
CD 

o 

and increase from top to bottom 
c 

within groups. "cO 

0 
c 
0 
CT> 
0 
N 

CO 
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Trends in Electronegativity 
In Chapters 7 and 8, you will study two types of bonds that can exist in 

compounds. Electrons are involved in both types of bonds. There is a prop¬ 

erty that can be used to predict the type of bond that will form during a 

reaction. This property is called electronegativity. Electronegativity is the 

ability of an atom of an element to attract electrons when the atom is in a 

compound. Scientists use factors such as ionization energy to calculate val¬ 

ues for electronegativity. 

Table 6.2 lists electronegativity values for representative elements in 

Groups 1A through 7A. The elements are arranged in the same order as in a 

periodic table. The noble gases are omitted because they do not form many 

compounds. The data in Table 6.2 is expressed in units called Paulings. 

Linus Pauling won a Nobel Prize in Chemistry for his work on chemical 

bonds. He was the first to define electronegativity. 

In general, electronegativity values decrease from top to bottom 

within a group. For representative elements, the values tend to increase 

from left to right across a period. Metals at the far left of the periodic table 

have low values. By contrast, nonmetals at the far right (excluding noble 

gases) have high values. The electronegativity values among the transition 

metals are not as regular. 

The least electronegative element is cesium, with an electronegativity 

value of 0.7. It has the least tendency to attract electrons. When it reacts, it 

tends to lose electrons and form positive ions. The most electronegative 

element is fluorine, with a value of 4.0. Because fluorine has such a strong 

tendency to attract electrons, when it is bonded to any other element it 

either attracts the shared electrons or forms a negative ion. 

(^/^Checkpoint) Why are values for noble gases omitted from Table 6.2? 

C Go inline 
-caBSCWs 

For: Links on 
Electronegativity 

Visit: www.SciLinks.org 
Web Code: cdn-1063 

Table 6.2 

Electronegativity Values for Selected Elements 

H 
1 

2.1 

Li Be B C N O F 

1.0 1.5 2.0 2.5 3.0 3.5 4.0 

Na Mg Al Si P S Cl 

0.9 1.2 1.5 1.8 2.1 2.5 3.0 

K Ca Ga Ge As Se Br 

0.8 1.0 1.6 1.8 2.0 2.4 2.8 

Rb Sr In Sn Sb Te 1 

0.8 1.0 1.7 1.8 1.9 2.1 2.5 

Cs Ba Tl Pb Bi 

0.7 0.9 1.8 1.9 1.9 

Section 6.3 Periodic Trends 177 



Figure 6.22 Properties that 
vary within groups and across 
periods include atomic size, 

ionic size, ionization energy, 
electronegativity, nuclear 
charge, and shielding effect. 
Interpreting Diagrams 
Which properties tend to 
decrease across a period? 

0 
0 
C/5 
CD 
0 
i— 
O 
c 

0 

-C/5 

O 

E 
o 

-t—' 

< 

0 
0 0 0 
0 

O 
c 

0 

o 
’c 
o 

0 
0 
0 

0 
0 
0 0 0 0 0 

0 0 0 
O 
0 

~o 
O 
0 

0 
0 
t_ 0 

-O O 0 
> 
05 

> 
c 0 

0 
0 0 

0 > 05 i— 
c O 

0 0 0 c 
05 -C ■ 

c 0 o 05 
_o C c 
V-> o 0 

Tj 0 k. _0 
M 

o 0 
'c _0 D ’sz 
_o LLI Z cn 

Atomic size decreases 

Ionization energy increases 

Electronegativity increases 

Nuclear charge increases 

Shielding is constant 

1A 8A 

2A 3A 4A 5A 6A 7A 

Size of cations decreases 
■» 

Size of anions decreases 

Summary of Trends 
Figure 6.22 shows the trends for atomic size, ionization energy, ionic size, 

and electronegativity in Groups 1A through 8A. These properties vary within 

groups and across periods. The trends that exist among these proper¬ 

ties can be explained by variations in atomic structure. The increase 

in nuclear charge within groups and across periods explains many trends. 

Within groups an increase in shielding has a significant effect. 

6.3 Section Assessment 

16. Key Concept How does atomic size change 
within groups and across periods? 

17. ^ Key Concept When do ions form? 

18. Key Concept What happens to first ionization 

energy within groups and across periods? 

19. Key Concept Compare the size of ions to the 
size of the atoms from which they form. 

20. O Key Concept How does electronegativity vary 
within groups and across periods? 

21. Key Concept In general, how can the periodic 
trends displayed by elements be explained? 

22. Arrange these elements in order of decreasing 

atomic size: sulfur, chlorine, aluminum, and 

sodium. Does your arrangement demonstrate a 
periodic trend or a group trend? 

23. Which element in each pair has the larger first 

ionization energy? 

a. sodium, potassium 
b. magnesium, phosphorus 

Writing Activity 

Explaining Trends in Atomic Size Explain why the 

size of an atom tends to increase from top to bottom 
within a group. Explain why the size of an atom 

tends to decrease from left to right across a period. 

o 

^ Textbook 

Assessment 6.3 Test yourself 
on the concepts in Section 6.3. 

_with ChemASAP 
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You're the Chemist 

The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Design It! Construct a similar 3-D model for first 

ionization energies. Use the data in Table 6.1. Use a 

scale of one cm equals 300 kJ/mol. 

3. 

4. 

5. 

Relate the trend in electronegativity across a period 

to the location of metals and nonmetals in the 

periodic table. 

What is the general trend in electronegativity within 

a group? Are there any notable exceptions? 

Why do you think that the electronegativity value for 

hydrogen is so high given its location in the table? 

Periodicity in Three Dimensions 

Purpose 

To build three-dimensional models for periodic trends. 

Materials 

• 96-well spot plate 

• straws 

• scissors 

• metric ruler 

• permanent fine-line marker 

Procedure £9 
1. Measure the depth of a well in the spot plate by 

inserting a straw into a well and holding the straw 

upright as shown in the photograph. Make a mark on 

the straw at the point where the straw meets the 

surface of the plate. Measure the distance from the end 

of the straw to the mark in centimeters. Record this 

distance as well depth. 

2. Cut the straw to a length that is 4.0 cm plus well depth. 

The straw will extend exactly 4.0 cm above the surface 

of the plate. 

3. Fluorine has an electronegativity value of 4.0. On a 

scale of one cm equals one unit of electronegativity, 

the portion of the straw that extends above the surface 

of the plate represents the electronegativity value for 

fluorine. Using the same scale, cut straws to represent 

the electronegativity values for all the elements listed 

in Table 6.2. Remember to add the well depth to the 

electronegativity value before cutting a straw. As you 

cut the straws, mark each straw with the chemical 

symbol of the element that the straw represents. 

4. Arrange the straws in the spot plate in rows and 

columns to match the locations of the elements in 

the periodic table. 

5. Make a rough sketch of your completed model. 

Analyze 
Observe your model and record the answers to the 

following questions below your sketch. 

1. Which element represented in your model is the 

most electronegative? 

2. Design It! Design and construct a 3-D model that 

shows trends in atomic and ionic radii for the elements 

in Groups 1A and 7A. Devise a way to display both ionic 

and atomic radii in the same model. 

3. Analyze it! Xenon has an electronegativity value 

of 2.6. Cut and place a straw in your first model to 

represent xenon. Does xenon support the trend for 

electronegativity across a period? Is xenon likely to 

form compounds? Explain your answers. 

2. Based on your model, what is the general trend in 

electronegativity from left to right across a period? 

iHHf y 
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CHAPTER 

Study Guide 

Key Concepts 

fgp 6.1 Organizing the Elements 

• Chemists used the properties of elements 
to sort them into groups. 

• Mendeleev arranged the elements in 
his periodic table in order of increasing 
atomic mass. 

• In the modern periodic table, elements 
are arranged in order of increasing atomic 
number. The elements within a group in the 
table have similar properties. 

• Three classes of elements are metals, non- 
metals, and metalloids. 

6.2 Classifying the Elements 

• The periodic table displays the symbols and 
names of elements, along with information 
on the structure of their atoms. 

• Elements can be sorted into noble gases, 
representative elements, transition metals, 
or inner transition metals based on their 
electron configurations. 

• The periodic table can be divided into s, p, d, 
and f blocks that correspond to the highest 
occupied sublevels in atoms of elements. 

6.3 Periodic Trends 

• In general, atomic size increases from top to 
bottom within a group and decreases from 
left to right across a period. 

• Positive and negative ions form when 
electrons are transferred between atoms. 

• First ionization energy tends to decrease 
from top to bottom within a group and 
increase from left to right across a period. 

• Cations are always smaller than the atoms 
from which they form. Anions are always 
larger than the atoms from which they form. 

• In general, electronegativity values decrease 
from top to bottom within a group. For 
representative elements, the values tend to 
increase from left to right across a period. 

• Trends in atomic size, ionization energy, 
ionic size, and electronegativity can be 
explained by variations in atomic structure. 
The increase in nuclear charge within groups 
and across periods explains many trends. 
Within groups an increase in shielding has a 
significant effect. 

Vocabulary 

• alkali metals (p. 161) 

• alkaline earth metals (p. 161) 

• anion (p. 172) 

• atomic radius (p. 170) 

• cation (p. 172) 

Organizing Information 

• electronegativity (p. 177) 

• halogens (p. 161) 

• inner transition metal (p. 166) 

• ion (p. 172) 

• ionization energy (p. 173) 

• metalloids (p. 160) 

• metals (p. 158) 

• noble gases (p. 164) 

• nonmetals (p. 159) 

• periodic law (p. 157) 

• representative elements (p. 164) 

• transition metal (p. 166) 

Use these terms to construct a 
concept map that organizes the 
major ideas of this chapter. 

Textbook 
Concept Map 6 Solve the 
Concept Map with the help of 
an interactive guided tutorial. 

>-with ChemASAP 
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Assessment 

CHAPTER 

6 
Reviewing Content 

6.1 Organizing the Elements 

24. Why did Mendeleev leave spaces in his periodic 

table? 

25. What effect did the discovery of gallium have on 

the acceptance of Mendeleev’s table? 

26. What pattern is revealed when the elements 

are arranged in a periodic table in order of 

increasing atomic number? 

27. Based on their locations in the periodic table, 

would you expect carbon and silicon to have 

similar properties? Explain your answer. 

28. Identify each property below as more character¬ 

istic of a metal or a nonmetal. 

a. a gas at room temperature 

b. brittle 

c. malleable 

d. poor conductor of electric current 

e. shiny 

29. In general, how are metalloids different from 

metals and nonmetals? 

6.2 Classifying the Elements 

30. Where are the alkali metals, the alkaline earth 

metals, the halogens, and the noble gases 

located in the periodic table? 

31. Which of the following are symbols for represen¬ 

tative elements: Na, Mg, Fe, Ni, Cl? 

32. Which noble gas does not have eight electrons in 

its highest occupied energy level? 

33. Which of these metals isn’t a transition metal? 

a. aluminum b. silver 

c. iron d. zirconium 

34. Use Figure 6.12 to write the electron configura¬ 

tions of these elements. 

a. boron 

b. arsenic 

c. fluorine 

d. zinc 

e. aluminum 

35. Write the electron configuration of 

these elements. 

a. the noble gas in period 3 

b. the metalloid in period 3 

c. the alkali earth metal in period 3 

6.3 Periodic Trends 

36. Which element in each pair has atoms with a 

larger atomic radius? 

a. sodium, lithium 

b. strontium, magnesium 

c. carbon, germanium 

d. selenium, oxygen 

37. Explain the difference between the first and 

second ionization energy of an element. 

38. Which element in each pair has a greater 

first ionization energy? 

a. lithium, boron 

b. magnesium, strontium 

c. cesium, aluminum 

39. Arrange the following groups of elements in 

order of increasing ionization energy. 

a. Be, Mg, Sr 

b. Bi, Cs, Ba 

c. Na, Al, S 

40. Why is there a large increase between the 

first and second ionization energies of the 

alkali metals? 

41. How does the ionic radius of a typical metal 

compare with its atomic radius? 

42. Which particle has the larger radius in each 

atom/ion pair? 

a. Na, Na+ b. S, S2~ 

c. I, T d. Al, Al3+ 

43. Which element in each pair has a higher 

electronegativity value? 

a. Cl, F b. C, N c. Mg, Ne d. As, Ca 

44. Why are noble gases not included in Table 6.2? 

45. When the elements in each pair are chemically 

combined, which element in each pair has a 

greater attraction for electrons? 

a. Ca or O b. O or F 

c. HorO d. KorS 

46. For which of these properties does lithium have 

a larger value than potassium? 

a. first ionization energy 

b. atomic radius 

c. electronegativity 

d. ionic radius 
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CHAPTER 

6 Assessment continued 

Understanding Concepts 

47. The bar graph shows how many elements were 

discovered before 1750 and in each 50-year 

period between 1750 and 2000. 

a. In which 50-year period were the most 

elements discovered? 

b. How did Mendeleev’s work contribute to the 

discovery of elements? 

c. What percent of the elements were discovered 

by 1900? 

Discovery of Elements 

<1750 1751- 1801- 1851- 1901- 1951- 

1800 1850 1900 1950 2000 

Period of discovery 

48. Write the symbol of the element or elements 

that fit each description. 

a. a nonmetal in Group 4A 

b. the inner transition metal with the lowest 

atomic number 

c. all of the nonmetals for which the atomic 

number is a multiple of five 

d. a metal in Group 5A. 

49. In which pair of elements are the chemical 

properties of the elements most similar? Explain 

your reasoning. 

a. sodium and chlorine 

b. nitrogen and phosphorus 

c. boron and oxygen 

50. Explain why fluorine has a smaller atomic radius 

than both oxygen and chlorine. 

51. Would you expect metals or nonmetals in the 

same period to have higher ionization energies? 

Give a reason for your answer. 

52. In each pair, which ion is larger? 

a. Ca2+, Mg2+ b. Cr, P3” c. Cu+, Cu2+ 

53. List the symbols for all the elements with 

electron configurations that end as follows. 

Each n represents an energy level. 

a. ns1 b. ns2np4 c. ns2ndw 

54. Explain why there should be a connection 

between an element’s electron configuration 

and its location on the periodic table? 

55. Which equation represents the first ionization 

of an alkali metal atom? 

a. Cl —» Cl+ + e" 

b. Ca —Ca+ + e~ 

c. K —» K+ + e~ 

d. H —> H+ + e“ 

56. Use the graph in Eigure 6.14 to estimate the 

atomic radius of the indium atom. 

57. What trend is demonstrated by the following 

series of equations? 

Li + 520 kj/mol —» Li+ + e" 

O + 1314 kj/mol —0+ + e- 

F + 1681 kj/mol —^ F+ + e“ 

Ne + 2080 kj/mol —Ne+ + e~ 

58. There is a large jump between the second and 

third ionization energies of magnesium. There 

is a large jump between the third and fourth 

ionization energies of aluminum. Explain these 

observations. 

59. The bar graph shows the relationship between 

atomic and ionic radii for Group 1A elements. 

a. Describe and explain the trend in atomic 

radius within the group. 

b. Explain the difference between the size of 

the atoms and the size of the ions. 

Comparing Radii of Alkali Metals 

Atomic number 
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Critical Thinking Concept Challenge 

60. Do you think there are more elements left to dis¬ 

cover? If so, what is the lowest atomic number a 

new element could have? Explain your answers. 

61. The graphs show the relationship between the 

electronegativities and first ionization energies 

for period 2 and period 3 elements. 

a. Based on data for these two periods, what is 

the general trend between these two values? 

b. Use nuclear charge and shielding effect to 

explain this trend. 

Period 2 

% 2000 
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o 
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Electronegativity 

Period 3 

62. Explain why it takes more energy to remove 

a 45 electron from zinc than from calcium. 

63. Explain each of the following comparisons. 

a. Calcium has a smaller second ionization 

energy than does potassium. 

b. Lithium has a larger first ionization energy 

than does cesium. 

c. Magnesium has a larger third ionization 

energy than does aluminum. 

64. The Mg2+ and Na+ ions each have ten electrons. 

Which ion would you expect to have the smaller 

radius? Explain your choice. 

65. The ions S2“, Cl-, K+, Ca2+, and Sc3+ have the 

same total number of electrons as the noble gas 

argon. EIow would you expect the radii of these 

ions to vary? Would you expect to see the same 

variation in the series O2-, F-, Na+, Mg2+, and 

Al3+, in which each ion has the same total num¬ 

ber of electrons as the noble gas neon? Explain 

your answer. 

66. Make a graph of average atomic mass versus 

atomic number. Choose 11 points (atomic 

numbers 1, 10, 20, and so forth up to atomic 

number 100) to make your graph. Use the 

graph to describe the relationship between 

average atomic mass and atomic number. 

Is there a 1:1 correspondence between average 

atomic mass and atomic number? Explain how 

you reached your conclusion. 

67. The ionization energies for the removal of the 

first six electrons in carbon are, starting with 

the first electron, 1086 kj/mol, 2352 kl/mol, 

4619 kl/mol, 6220 kl/mol, 37,820 kl/mol, and 

47,260 kj/mol. 

a. Make a graph of ionization energy versus 

ionization number. The ionization number 

indicates which electron is lost. 

b. Between which two ionization numbers 

does the ionization energy have the largest 

increase? Explain why this behavior is 

predictable. 

68. Atoms and ions with the same number of 

electrons are called isoelectronic. 

a. Write the symbol for a cation and an anion 

that are isoelectronic with krypton. 

b. Is it possible for a cation to be isoelectronic 

with an anion from the same period? Explain. 

69. Electron affinity is a measure of an atom’s ability 

to gain electrons. Predict the trend for electron 

affinity across a period. Explain your answer. 
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CHAPTER 

6 Assessment continued 

Cumulative Review 

70. Explain why science today depends less on 

chance discoveries than it did in the past. 

(Chapter 1) 

71. Identify each process as a chemical or physical 

change. (Chapter 2) 

a. melting of iron b. lighting a match 

c. grinding corn d. souring of milk 

72. Describe at least two methods to separate a 

mixture of small copper and iron beads. 

(Chapter 2) 

73. In the United States a typical can of “cola” holds 

355 mL. How many 2.00-L bottles could be filled 

from a 24-can case of cola? (Chapter 3) 

74. The volume of the liquid in the graduated 

cylinder is reported as 31.8 mL. (Chapter 3) 

a. How many significant figures are there 

in the measurement? 

b. In which digit is there uncertainty? 

75. A cube of plastic 1.20 x 10 5 km on a side has a 

mass of 1.70 g. Show by calculation whether this 

plastic cube will sink or float in pure water. 

(Chapter 3) 

76. Convert the measurements to meters. Express 

your answers in scientific notation. (Chapter 3) 

a. 2.24 nm b. 8.13 cm 

c. 7.4 pm d. 9.37 mm 

77. An apprentice jeweler determines the density of a 

sample of pure gold to be 20.3 g/cm3. The accepted 

value is 19.3 g/ cm3. What is the percent error of the 

jeweler’s density measurement? (Chapter 3) 

78. WTiat is the mass of 7.7 L of gasoline at 20°C? 

Assume the density of gasoline to be 0.68 g/cm3. 

(Chapter 3) 

79. A black olive containing its seed has a mass of 

4.5 g and a volume of 4.3 cm3. Will the olive sink 

or float on the water? (Chapter 3) 

80. The distance is 1.50 X 108 km from the sun to 

Earth. The speed of light is 3.00 x 108 m/s. How 

many round trips between Earth and the sun 

could a beam of light make in one day? (Chapter 3) 

81. The table shows how the volume of sulfur varies 

with mass. How does the density of sulfur vary 

with mass "((Chapter 3J 

Mass of Sulfur Versus Volume of Sulfur 
Mass of sulfur (g) Volume of sulfur (cm3) 

23.5 11.4 

60.8 29.2 

115 55.5 

168 81.1 

82. Calculate the volume of acetone with the same 

mass as 15.0 mL of mercury. The density of 

mercury is 13.59 g/mL. The density of acetone is 

0.792 g/mL. (Chapter 3) 

83. A rectangular container has inside dimensions 

of 15.2 cm by 22.9 cm and is about 1 meter tall. 

Water is poured into the container to a height 

of 55.0 cm. When a jagged rock with a mass of 

5.21 kg is placed in the container, it sinks to the 

bottom. The water level rises to 58.3 cm. What is 

the density of the rock? (Chapter 3) 

84. How many neutrons does an atom of each 

isotope contain? (Chapter 4) 

a. “Kr b. £?Br c. 13°Os d. 183Re 

85. Name the element and calculate the number of 

requested subatomic particles in each isotope. 

(Chapter 4) 

a. neutrons in 18®Ag b. protons in H58Sn 

c. electrons in 3®Mo d. electrons in ^3Sc 

86. How many filled p orbitals do atoms of these 

elements contain? (Chapter 5) 

a. carbon b. phosphorus 

c. oxygen d. nitrogen 
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Standardized Test Prep 

Test-Taking Tip 

Interpreting Data Tables Tables present a 

large amount of data in a small space. Before 

you try to answer questions based on a table, 

look at the table. Read the title, if there is one, 

and the column headings. Then read the ques¬ 

tions. As you read each question, decide which 

data you will need to use to answer the ques¬ 

tion. You may need to focus on a single entry or 

column. You may need to find a relationship 

between data from multiple columns. 

Select the choice that best answers each question or 

completes each statement. 

1. Which of the following properties increases as 

you move across a period from left to right? 

I. electronegativity 

II. ionization energy 

III. atomic radius 

a. I and II only 

b. I and III only 

c. II and III only 

d. I, II, and III 

2. List the symbols for sodium, sulfur, and cesium in 

order of increasing atomic radii. 

a. Na, S, Cs b. Cs, Na, S 

c. S, Na, Cs d. Cs, S, Na 

3. The electron configuration for an element in the 

halogen group should always end with 

a. ns* 1 2 3np6. b,ns2np5. 

c. nsznp4. d.ns2np2. 

Use the spheres to answer Questions 4-6. 

4. Which sphere would most likely represent a 

potassium atom, K? 

5. Which sphere would most likely represent a 

potassium ion, K+? 

6. If the spheres represent an atom and an anion of 

the same element, wTiich sphere represents the 

atom and which represents the anion? 

Use the data table to answer Questions 7-9. 

Alkali 
metal 

Atomic 
radius 
(pm) 

First 
ionization 
energy (kJ/mol) 

Electronegativity 
value 

Li 152 520 1.0 

Na 186 495.8 0.9 

K 227 418.8 0.8 

Rb 244 250 0.8 

Cs 262 210 0.7 

7. If you plotted atomic radius versus first ionization 

energy, would the graph reveal a direct or inverse 

relationship? 

8. If you plotted atomic radius versus electronega¬ 

tivity, would the graph reveal a direct or inverse 

relationship? 

9. If you plotted first ionization energy versus 

electronegativity, would the graph reveal a 

direct or inverse relationship? 

For each question there are two statements. Decide whether each statement is true 

or false. Then decide whether Statement II is a correct explanation for Statement I. 

Statement I Statement II 

10. Electronegativity values are higher for BECAUSE Atoms of nonmetals are among the 

metals than for nonmetals. largest atoms. 

11. A calcium atom is larger than a BECAUSE Ions are always larger than the atoms 

calcium ion. from which they are formed. 

12. The element hydrogen is a metal. BECAUSE Hydrogen is on the left in the periodic table. 

13. Among all the elements in a period, BECAUSE Within any period, atomic radii tend to 

the noble gas always has the smallest decrease moving from right to left. 

ionization energy. 
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Shapes of Crystalline Materials 
Materials 
4 small disposable cups, distilled water, a ruler, a 

spoon, sodium chloride (table salt), sucrose (table 

sugar), sodium hydrogen carbonate (baking soda), 

magnesium sulfate,a small clean mirror, a magnifying 

glass 

IS! □ 5 Procedure I 

1. Label each cup with the name of one of the solids. 

Pour water into each cup to a depth of 1 cm. 

2. Add a spoonful of each solid to its corresponding 

cup. Swirl each cup for 30 seconds and then let it 

stand for a few minutes. 

3. Swirl the cups at least two more times. Each time, 

note whether any of the solids completely 

dissolves. If so, add more of that solid and repeat 

the swirling. Continue this process until there is 

some undissolved solid at the bottom of each cup. 

4. Set the mirror on a flat surface and place 2 or 

3 drops of each liquid onto separate areas of 

the mirror. 

5, Use a magnifying glass to examine each drop 

of liquid after 15 minutes, and then again after 

24 hours. 

Think About It 

1. For each material, did the solids crystallize? 

2. Did the crystals form at the same time? 

3. Describe the crystals that formed. 



Connecting to Your World D ,c c A , 
^ Pyrite (FeS2), a common mineral 

that emits sparks when struck against steel, is often mistaken for gold— 

hence its nickname,"fool's gold." Although certainly not worth its weight 

in gold, pyrite can be used as a source of sulfur in the 

production of sulfuric acid, a common industrial 

chemical. Pyrite is an example of a crystalline solid. 

In crystalline solids,the component particles of the 
substance are arranged in an orderly, repeating 

fashion. In this chapter, you will learn about crys¬ 

talline solids composed of ions that are bonded 
together. But first you need to understand how ions 

form from neutral atoms. 

Guide for Reading 

Key Concepts 
• How do you find the number of 

valence electrons in an atom of 

a representative element? 

• Atoms of which elements tend 

to gain electrons? Atoms of 

which elements tend to lose 

electrons? 

• How are cations formed? 

• How are anions formed? 

Vocabulary 

valence electrons 

electron dot structures 

octet rule 

Valence Electrons 
halide ions 

Reading Strategy 

Mendeleev used similarities in the properties of elements to organize his 

periodic table. Scientists later learned that all of the elements within each 

group of the periodic table behave similarly because they have the same 

number of valence electrons. Valence electrons are the electrons in the high¬ 

est occupied energy level of an element’s atoms. The number of valence elec¬ 

trons largely determines the chemical properties of an element. 

The number of valence electrons is related to the group numbers in the 

periodic table. To find the number of valence electrons in an atom of a 

representative element, simply look at its group number. For example, the 

elements of Group 1A (hydrogen, lithium, sodium, potassium, and so 

forth) all have one valence electron, corresponding to the 1 in 1A. Carbon 

and silicon, in Group 4A, have four valence electrons. Nitrogen and phos¬ 

phorus, in Group 5A, have five valence electrons; and oxygen and sulfur, in 

Group 6A, have six. The noble gases (Group 8A) are the only exceptions to 

the group-number rule: Helium has two valence electrons, and all of the 

other noble gases have eight. Figure 7.1 shows some applications of Group 

4A elements. 

Summarizing Write a one- 

paragraph summary of how the 

octet rule applies to the forma¬ 

tion of ions. 

Figure 7.1 Group 4A 

elements include carbon, 
silicon, and germanium. 

0 This saw blade contains 
carbon in the form of 
diamond. (!) Silicon is used in 

the manufacture of 
microchips. Q Germanium is 

one of the materials used to 
make thermoscanning 

goggles. 



Table 7.1 

Electron Dot Structures of Some Group A Elements 

Group 

Period 1A 2A 3A 4A 5A 6A 7A 8A 

1 H He: 

2 Li- Be B -c- N- ■0- •F* •Kie* 

3 Na- ■Mg- -AI- Si- -P- :s- Cj •Ar* 

4 K- •Ca -Ga- -Ge- As- :Se- Br- •Kr • 

Word Origins 
Octet comes from the Greek 

word okto, meaning "eight." 

There are eight electrons in 

the highest occupied energy 

level of the noble gases, 

except for helium. How do 

you think the term octet 

might also be applied to 

music or poetry? 

Valence electrons are usually the only electrons used in chemical 

bonds. Therefore, as a general rule, only the valence electrons are shown in 

electron dot structures. Electron dot structures are diagrams that show 

valence electrons as dots. Table 7.1 shows electron dot structures for atoms 

of some Group A elements. Notice that all of the elements within a given 

group (with the exception of helium) have the same number of electron 

dots in their structures. 

(^Checkpoint) What is an electron dot structure? 

The Octet Rule 
You learned in Chapter 6 that noble gases, such as neon and argon, are 

unreactive in chemical reactions. That is, they are stable. In 1916, chemist 

Gilbert Lewis used this fact to explain why atoms form certain kinds of ions 

and molecules. He called his explanation the octet rule: In forming com¬ 

pounds, atoms tend to achieve the electron configuration of a noble gas. 

An octet is a set of eight. Recall that each noble gas (except helium) has 

eight electrons in its highest occupied energy level and a general electron 

configuration of ns2np6. The octet rule takes its name from this fact about 

noble gases. Atoms of metals tend to lose their valence electrons, 

leaving a complete octet in the next-lowest energy level. Atoms of some non- 

metals tend to gain electrons or to share electrons with another nonmetal to 

achieve a complete octet. Although there are exceptions, the octet rule 

applies to atoms in most compounds. 

Formation of Cations 
An atom is electrically neutral because it has equal numbers of protons and 

electrons; an ion forms when an atom or group of atoms loses or gains 

electrons. An atom’s loss of valence electrons produces a cation, or a 

positively charged ion. Note that for metals, the name of a cation is the same 

as the name of the element. For example, a sodium atom (Na) forms a 

sodium cation (Na+). Likewise, a calcium atom (Ca) forms a calcium cation 

(Ca2+). Although their names are the same, there are many important 

chemical differences between metals and their cations. Sodium metal, for 

example, reacts explosively with water. By contrast, sodium cations are 

quite unreactive. As you may know, they are a component of table salt, a 

compound that is very stable in water. 
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The most common cations are those produced by the loss of valence 

electrons from metal atoms. Most of these atoms have one to three valence 

electrons, which are easily removed. Sodium, in Group 1A of the periodic 

table, is typical. Sodium atoms have a total of eleven electrons, including 

one valence electron. A sodium atom can lose an electron to become a pos¬ 

itively charged sodium ion. The sodium ion has an electron configuration 

that is identical to the noble gas neon. When forming a compound, a 

sodium atom loses its one valence electron and is left with an octet (eight 

electrons) in what is now its highest occupied energy level. Because the 

number of protons in the sodium nucleus is still eleven, the loss of one unit 

of negative charge produces a cation with a charge of 1 + . You can repre¬ 

sent the electron loss, or ionization, of the sodium atom by drawing the 

complete electron configuration of the atom and of the ion formed. 

Na ls22s22p63s] -> Na+ lsz2s22p6 

octet 

Notice that the electron configuration of the sodium ion (ls22s22p6) is the 

same as that of a neon atom. The diagrams below help illustrate this point. 

C Go inline 
-^^Lnks 
For: Links on Sodium 
Visit: www.SciLinks.org 
Web Code: cdn-1071 
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Loss of valence electron 

3s □ □ 
0 
> 

_0 
2 P u u u u u u u u u 

> 
05 2s u u u 
0 
C 

LU Is n u u 
Sodium atom Sodium ion Neon atom 

Na • Na+ : Ne: 

Both the sodium ion and the neon atom have eight electrons in their val¬ 

ance shells (highest occupied energy levels). Using electron dot structures, 

you can show the ionization more simply. 

Na- 

loss of valence 
electron , T _l 

——:-► Na+ 
ionization 

Sodium atom 
(electrically 

neutral, 
charge = 0) 

Sodium ion 
(plus sign 

indicates one 
unit of positive 

charge) 

+ e 

electron 
(minus sign 
indicates 

one unit of 
negative charge) 

Figure 7.2 The sodium atoms in 
a sodium-vapor lamp ionize to 

form sodium cations (Na+). 
Applying Concepts How 

many electrons are in the 
highest occupied energy level 

ofNa+? 



Figure 7.3 Walnuts are a good 
dietary source of magnesium. 

Magnesium ions (Mg2+) aid in 
digestive processes. 

1A 2A 

Li+ Bez+ 

Na+ Mg2+ 

K+ Ca2+ 

Rb+ Sr2+ 

Cs+ Ba2t 

Fr+ FSa2+ 

Figure 7.4 Cations of Group 1A 

elements have a charge of 1 +. 

Cations of Group 2A elements 
have a charge of 2-K 

Magnesium (atomic number 12) belongs to Group 2A of the periodic 

table, so it has two valence electrons. A magnesium atom attains the elec¬ 

tron configuration of neon by losing both valence electrons. The loss of the 

valence electrons produces a magnesium cation with a charge of 2+. 

•Mg- Mg2+ 

Magnesium atom 

(electrically 

neutral, 

charge = 0] 

Magnesium ion 

(2+ indicates 

two units 

of positive 

charge) 

+ 2e 

(2 in front 

of e~ indicates 

two units of 

negative charge) 

Figure 7.4 lists the symbols of cations formed by metals in Groups 1A 

and 2A. Cations of Group 1A elements always have a charge of 1 +. Simi¬ 

larly, the cations of Group 2A elements always have a charge of 2+. This 

consistency can be explained in terms of the loss of valence electrons by 

metal atoms: The atoms lose enough electrons to attain the electron con¬ 

figuration of a noble gas. For example, all Group 2A elements have two 

valence electrons. In losing these two electrons, they form 2+ cations. 

For transition metals, the charges of cations may vary. An atom of iron, 

for example, may lose two or three electrons. In the first case, it forms the 

Fe2+ ion. In the second case, it forms the Fe3+ ion. 

Some ions formed by transition metals do not have noble-gas electron 

configurations (ns2np6) and are therefore exceptions to the octet rule. Silver, 

with the electron configuration of lsz2s22p63s23p63d104s24p64d105s1, is an 

example. To achieve the structure of krypton, which is the preceding noble 

gas, a silver atom would have to lose eleven electrons. To acquire the elec¬ 

tron configuration of xenon, which is the following noble gas, silver would 

have to gain seven electrons. Ions with charges of three or greater are 

uncommon, and these possibilities are extremely unlikely. Thus silver does 

not achieve a noble-gas configuration. But if it loses its 5s1 electron, the con¬ 

figuration that results {4s24p64d10), withl8 electrons in the highest occupied 

energy level and all of the orbitals filled, is relatively favorable. Such a 

configuration is known as a pseudo noble-gas electron configuration. Silver 

forms a positive ion (Ag+) in this way. Other elements that behave similarly 

to silver are found at the right of the transition metal block. For example, a 

copper atom can ionize to form a 1+ cation (Cu+), as illustrated below. 

Loss of valence electron 

3d u u u u u u Ti Ti Ti Ti 

4s □ □ 
0 1 > 0 

' 3 P u n u u Ti Ti 

> 
05 i_ 3s u n 
0 
C 

LU 2p u u u n Ti Ti 

2s n u 
Is n Ti 

Copper atom Copper(l) ion 

Cu Cu+ 

By losing its lone 4s electron, copper attains a pseudo noble-gas electron 

configuration. Likewise, cations of gold (Au+), cadmium (Cd2+), and mer¬ 

cury (Hg2+) also have pseudo noble-gas configurations. 
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Formation of Anions 
An anion is an atom or a group of atoms with a negative charge. The 

gain of negatively charged electrons by a neutral atom produces an anion. 

Note that the name of an anion of a nonmetallic element is not the same as 

the element name. The name of the anion typically ends in -ide. Thus a 

chlorine atom (Cl) forms a chloride ion (Cl-), and an oxygen atom (O) 

forms an oxide ion (02G- Figure 7.5 shows the symbols of anions formed by 

some elements in Groups 5A, 6A, and 7A. 

Because they have relatively full valence shells, atoms of nonmetallic 

elements attain noble-gas electron configurations more easily by gaining 

electrons than by losing them. For example, chlorine belongs to Group 7A 

(the halogen family) and has seven valence electrons. A gain of one electron 

gives chlorine an octet and converts a chlorine atom into a chloride ion. 

Cl \s22s22pe'3si?>p‘-* Cl ls22s22p63s23p6 

octet 

The chloride ion is an anion with a single negative charge. Notice that it has 

the same electron configuration as the noble gas argon. 

Ar ls22s22p63s23p6 

octet 

Chlorine atoms, therefore, need one more valence electron to achieve the 

electron configuration of the nearest noble gas. The diagrams below illus¬ 

trate how both the chloride ion and the argon atom have an octet of elec¬ 

trons in their highest occupied energy levels. 

5A 6A 7A 

N3- o2 F" 

P3- s2- cr 

As3' Se2' Br~ 

H
 

CD
 M

 1 

I" 

Figure 7.5 Atoms of nonmetals 

and metalloids form anions by 

gaining enough valence electrons 
to attain the electron configura¬ 

tion of the nearest noble gas. 

Interpreting Diagrams In 
which group of the periodic 

table do the elements bromine 

and iodine belong? 

Gain of valence electron 

3 P u n [F] U Ti 0 Ti Ti U 

3s u u U 

2 P u u u u u u Ti Ti Ti 

2s u u Ti 

Is u u Ti 

Chlorine atom Chloride ion Argon atom 

: Cl ■ : Cl r : Ar: 

Based on the diagrams above, you use electron dot structures to write 

an equation showing the formation of a chloride ion from a chlorine atom. 

:CF + e 

gain of one 
valence electron 
-> :C1:~ 

Chlorine atom Chloride ion (Cl ) 

In this equation, each dot in the electron dot structure represents an elec¬ 

tron in the valence shell in the electron configuration diagram. 

Checkpoint Which noble gas has the same electron configuration as a 

chloride ion? 
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Figure 7.6 The six most 
abundant ions in seawater are 

chloride (Cl-), sulfate (S042-), 
sodium (Na+), magnesium 

(Mg2+), calcium (Ca2+), and 

potassium (K+). 

The ions that are produced when atoms of chlorine and other halogens 

gain electrons are called halide ions. All halogen atoms have seven valence 

electrons and need to gain only one electron to achieve the electron config¬ 

uration of a noble gas. Thus all halide ions (F“, Cl-, Br“, and I") have a 

charge of 1 -. The seawater in Figure 7.6 contains many different ions, but 

the negatively charged ions—the anions—are mostly chloride ions. 

Look at another example. Oxygen is in Group 6A, and oxygen atoms 

each have six valence electrons. Oxygen atoms attain the electron configu¬ 

ration of neon by gaining two electrons, as shown in the diagrams below. 

Gain of two valence electrons 

2 P u □□ u 00 n u u 
2s T! u u 
Is U u u 

Oxygen atom Oxide ion Neon atom 

: 0 • :0:2- : Ne: 

The resulting oxide ions have charges of 2- and are written as 02~. Using 

electron dot structures, you can write the equation for the formation of 

oxide ions as follows. 

:0- + 2e :Q2“ 

Table 7.2 lists some common anions that you will be learning about in 

this book. Note that not all of the anions listed end with the suffix-ide. 

^Checkpoint) How many electrons do halogen atoms need to gain in order 

to achieve the electron configuration of a noble gas? 

Some Common Anions 

1- 2- 3- 

F~ fluoride 02~ oxide N3" nitride 

Cl chloride s2- sulfide R3- phosphide 

Br bromide S042- sulfate 

1 CO 

o
 

Q
_ phosphate 

|- iodide C032- carbonate 

OH hydroxide 

CIO hypochlorite 

no3- nitrate 

c2h3o2 acetate 

hco3- hydrogen 
carbonate 
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CONCEPTUAL PROBLEM 7.1 

Writing the Symbols and Names of Ions 

The beaker shown on the right contains iodine vapor. Write the 

symbol and name of the ion formed when 

a. an iodine atom gains one electron. 

b. a strontium atom loses two electrons. 

Analyze Identify the relevant concepts. Solve Apply concepts to this situation. 

a. An atom that gains electrons forms a nega- a. I“, iodide ion (an anion) 

tively charged ion (anion). The name of an b. Sr2+, strontium ion (a cation) 

anion of a nonmetallic element ends in -ide. 

b. An atom that loses electrons forms a positive ¬ 

ly charged ion (cation). The name of a cation 

of a metallic element is the same as the name 

of the element. 

Practice Problems 

1. Write the name and symbol of the ion 

formed when 

a. a sulfur atom gains two electrons. 

b. an aluminum atom loses three electrons. 

2. How many electrons are lost or gained in 

forming each ion? 

a. Baz+ b. As3 4 5 6 7 8 9~ c. Cu2+ 

Textbook 

Problem-Solving 7.1 Solve 
Problem 1 with the help of an 
interactive guided tutorial. 

_with ChemASAP 

7.1 Section Assessment 

3. O Key Concept How can you determine the 

number of valence electrons in an atom of a rep¬ 

resentative element? 

4. Key Concept Atoms of which elements tend 

to gain electrons? Atoms of which elements tend 

to lose electrons? 

5. Key Concept How do cations form? 

6. Key Concept How do anions form? 

7. How many valence electrons are in each atom? 

a. potassium b. carbon 

c. magnesium d. oxygen 

8. Draw the electron dot structure for each element 

in Question 7. 

9. How many electrons will each element gain or 

lose in forming an ion? 

a. calcium (Ca) b. fluorine (F) 

c. aluminum (Al) d. oxygen (O) 

10. Write the name and symbol of the ion formed when 

a. a potassium atom loses one electron. 

b. a zinc atom loses two electrons. 

c. a fluorine atom gains one electron. 

11. Write the electron configuration of Cd2+. 

Connecting Concepts 

Ionization Energy Reread page 173 in Section 6.3. 
How does the octet rule explain the large increase 

in energy between the first and second ionization 

energies of Group 1A metals? 

© 

.,^frtefactivQ 
^Textbook 

Assessment 7.1 Test yourself 
on the concepts in Section 7.1. 

_with ChemASAP 
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Ionic Bonds and Ionic Compounds 

Guide for Reading 

Key Concepts 
• What is the electrical charge of 

an ionic compound? 

• What are three properties of 

ionic compounds? 

Vocabulary 
ionic compounds 

ionic bonds 

chemical formula 

formula unit 

coordination number 

Reading Strategy 
Previewing Before you read 

this section, rewrite the headings 

as how, why, and what questions 

about ionic compounds. As 

you read, write answers to 

the questions. 

Textbook 

Animations Take an 

atomic-level look at the 

formation of KCI. 

with ChemASAP 

Connecting to Your World You have heard of harvesting 

crops such as wheat or rice—but salt? In many coastal countries that have 

warm, relatively dry climates, salt is produced by the 

evaporation of seawater.The salty water is chan¬ 

neled into a series of shallow ponds, where it 

becomes more concentrated as the water 

evaporates by exposure to the sun. When the 

saltwater is concentrated enough, it is 

diverted into a pan, on which the sodium 

chloride crystals deposit. Salt farmers then 

drain the pans and collect the salt into piles to 

dry. In this section, you will learn how cations 

and anions combine to form stable compounds 

such as sodium chloride. 

Formation of Ionic Compounds 
Compounds composed of cations and anions are called ionic compounds. 

Ionic compounds are usually composed of metal cations and nonmetal 

anions. For example, sodium chloride, or table salt, is composed of sodium 

cations and chloride anions. Although they are composed of ions, ionic 

compounds are electrically neutral. The total positive charge of the cations 

equals the total negative charge of the anions. 

Ionic Bonds Anions and cations have opposite charges and attract one 

another by means of electrostatic forces. The electrostatic forces that hold 

ions together in ionic compounds are called ionic bonds. 

Sodium chloride provides a simple example of how ionic bonds are 

formed. Consider the reaction between a sodium atom and a chlorine 

atom. Sodium has a single valence electron that it can easily lose. (If the 

sodium atom loses its valence electron, it achieves the stable electron con¬ 

figuration of neon.) Chlorine has seven valence electrons and can easily 

gain one. (If the chlorine atom gains a valence electron, it achieves the sta¬ 

ble electron configuration of argon.) When sodium and chlorine react to 

form a compound, the sodium atom gives its one valence electron to a 

chlorine atom. Thus sodium and chlorine atoms combine in a one-to-one 

ratio and both ions have stable octets. 

Na^_jfCh 

ls2Zs22pb(3s) ls22sz2p63sz3p5 

Na+ :C1:- 

ls22s22p6 ls22s22p63sz3p6 

octet octet 

Ne Ar 

ls22sz2p6 lsz2szZp63sz3p6 

octet octet 
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Figure 7.7 shows aluminum and bromine reacting to form the com¬ 

pound aluminum bromide. Each aluminum atom has three valence elec¬ 

trons to lose. Each bromine atom has seven valence electrons and readily 

gains one additional electron. Therefore, when aluminum and bromine 

react, three bromine atoms combine with each aluminum atom. 

Formula Units The ionic compound sodium chloride is composed of 

equal numbers of sodium cations (Na+) and chloride anions (Cl"). As you 

can see in Figure 7.8, the ions in solid sodium chloride are arranged in 

an orderly pattern. There are no single discrete units, only a continuous 

array of ions. 

Chemists represent the composition of substances by writing chemical 

formulas. A chemical formula shows the kinds and numbers of atoms in the 

smallest representative unit of a substance. NaCl, for example, is the chem¬ 

ical formula for sodium chloride. Note, however, that the formula NaCl 

does not represent a single discrete unit. Because an ionic compound exists 

as a collection of positively and negatively charged ions arranged in repeat¬ 

ing patterns, its chemical formula refers to a ratio known as a formula unit. 

A formula unit is the lowest whole-number ratio of ions in an ionic com¬ 

pound. For sodium chloride, the lowest whole-number ratio of the ions is 

1:1 (one Na+ to each Cl"). Thus the formula unit for sodium chloride is 

NaCl. Although ionic charges are used to derive the correct formula, they 

are not shown when you write the formula unit of the compound. 

The ionic compound magnesium chloride contains magnesium cat¬ 

ions (Mg2+) and chloride anions (Cl"). In magnesium chloride, the ratio of 

magnesium cations to chloride anions is 1:2 (one Mg2+ to two Cl"). So its 

formula unit is MgCl2. Because there are twice as many chloride anions 

(each with a 1 - charge) as magnesium cations (each with a 2+ charge), the 

compound is electrically neutral. In aluminum bromide, described earlier, 

the ratio of aluminum cations to bromide ions is 1:3 (one AT to three Br 

ions), so the formula unit is AlBr3. 

(^Checkpoint) What is the formula unit for magnesium chloride? 

Aluminum bromide (AIBr3) 

Figure 7.7 Aluminum metal and 

the nonmetal bromine react to 
form an ionic solid, aluminum 

bromide. 

Figure 7.8 Sodium cations and 

chloride anions form a repeating 

three-dimensional array in 

sodium chloride (NaCl). 

Inferring How does the 
arrangement of ions in a sodium 

chloride crystal help explain 
why the compound is so stable? 

Structures of sodium Arrangement of Na+ ions Crystals of sodium chloride 

ion and chloride ion and Cl" ions in a crystal 
of sodium chloride 
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CONCEPTUAL PROBLEM 7.2 

Predicting Formulas of Sonic Compounds 
The ionic compound formed from potassium and oxygen is 

used in ceramic glazes. Use electron dot structures to predict 

the formulas of the ionic compounds formed from the 

following elements. 

a. potassium and oxygen b. magnesium and nitrogen 

O Analyze Identify the relevant concepts. 

Atoms of metals lose their valence electrons 

when forming an ionic compound. Atoms of 

nonmetals gain electrons. Enough atoms of 

each element must be used in the formula so 

that electrons lost equals electrons gained. 

Q Solve Apply concepts to this situation. 

a. Start with the atoms. 

K- and 

In order to have a completely filled valence 

shell, oxygen must gain two electrons. These 

electrons come from two potassium atoms, 

each of which loses one electron. 

K- K+ 
+ ('): —> :():;’_ 

K- ' K+ " 

Electrons lost now equals electrons gained. 

The formula of the compound formed (potas¬ 

sium oxide) is K20. 

b. Start with the atoms. 

Mg and -N: 

Each nitrogen needs three electrons to have 

an octet, but each magnesium can lose only 

two electrons. Thus three magnesium atoms 

are needed for every two nitrogen atoms. 

Mg . Mg2+ .. 
•N: :N:3“ 

Mg + ; —> Mg2+ 
; -N: :N:3- 

Mg Mg2+ 

The formula of the compound formed (mag¬ 

nesium nitride) is Mg3N2. 

Practice Problems 

12. Use electron dot structures to determine formu¬ 

las of the ionic compounds formed when 

a. potassium reacts with iodine. 

b. aluminum reacts with oxygen. 

13. What is the formula of the ionic compound com¬ 

posed of calcium cations and chloride anions? 

Textbook 
Problem-Solving 7.12 Solve 
Problem 12 with the help of an 
interactive guided tutorial. 

_with ChemASAP 
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Properties of Ionic Compounds 
Figure 7.9 shows the striking beauty of the crystals of some ionic 

compounds. Most ionic compounds are crystalline solids at room 

temperature. The component ions in such crystals are arranged in repeat¬ 

ing three-dimensional patterns. The composition of a crystal of sodium 

chloride is typical. In solid NaCl, each sodium ion is surrounded by six 

chloride ions, and each chloride ion is surrounded by six sodium ions. In 

this arrangement, each ion is attracted strongly to each of its neighbors and 

repulsions are minimized. The large attractive forces result in a very stable 

structure. This is reflected in the fact that NaCl has a melting point of 

about 800°C. Ionic compounds generally have high melting points. 
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Figure 7.9 The beauty of 

crystalline solids, such as these, 

comes from the orderly 

arrangement of their 
component ions. 

@ 

Simulation 5 Simulate the 
formation of ionic compounds 
at the atomic level. 

__with ChemASAP 

Textbook 
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© Cesium chloride 
(CsCI) 

Cl 

Cs+ 

The coordination number of an ion is the number of ions of opposite 

charge that surround the ion in a crystal. Figure 7.10a shows the three- 

dimensional arrangement of ions in NaCl. Because each Na+ ion is sur¬ 

rounded by six Cr ions, Na+ has a coordination number of 6. Each Cl“ ion 

is surrounded by six Na+ ions and also has a coordination number of 6. 

Cesium chloride (CsCI) has a formula unit that is similar to that of NaCl. As 

Figure 7.10b illustrates, both compounds have cubic crystals, but their 

internal crystal structures are different. Each Cs+ ion is surrounded by 

eight Cl~ ions, and each Cl“ ion is surrounded by eight Cs+ ions. The anion 

and cation in cesium chloride each have a coordination number of 8. 

Figure 7.10c shows the crystalline form of titanium dioxide (Ti02), also 

known as rutile. In this compound, the coordination number for the cation 

(Ti4+) is 6. Each Ti4+ ion is surrounded by six O2' ions. The coordination 

number of the anion (02~) is 3. Each 02~ ion is surrounded by three Ti4+ ions. 

Another characteristic property of ionic compounds has to do with 

conductivity. <T^ Ionic compounds can conduct an electric current when 

melted or dissolved in water. As Figure 7.11 shows, when sodium chloride is 

melted, the orderly crystal structure breaks down. If a voltage is applied 

across this molten mass, cations migrate freely to one electrode and anions 

migrate to the other. This ion movement allows electricity to flow between 

the electrodes through an external wire. For a similar reason, ionic com¬ 

pounds also conduct electricity if they are dissolved in water. When dis¬ 

solved, the ions are free to move about in the aqueous solution. 

(^Checkpoint) What is the coordination number of Ti4+in Ti02? 

£ Ti4+ 

Figure 7.10 Sodium chloride 
and cesium chloride form cubic 

crystals.© In NaCl, each ion has 
a coordination number of 6. 

© In CsCI, each ion has a 
coordination number of 8. 

Q Titanium dioxide forms 
tetragonal crystals. In Ti02, each 
Ti4+ ion has a coordination 

number of 6, while each 02~ ion 

has a coordination number of 3. 

Flow of 
electrons 

Inert metal 
electrode 
(cathode) 

Power source 
Current meter 

Flow of 
electrons 

VJ 
J Na §H! 

or ^ 

Inert metal 
electrode 

(anode) 

Figure 7.11 When sodium chloride melts, the sodium and chloride 

ions are free to move throughout the molten salt. If a voltage is 
applied, positive sodium ions move to the negative electrode (the 

cathode), and negative chloride ions move to the positive electrode 
(the anode). Predicting What would happen if the voltage was 
applied across a solution of NaCl dissolved in water? 
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Solutions Containing Ions 

Purpose 
To show that ions in solu¬ 

tion conduct an electric 

current. 

Materials 
• 3 D-cell batteries 

• masking tape 

• 2 30-cm lengths of bell 
wire with ends scraped 
bare 

Procedure @ aa 
Probe version available in the 
Probeware Lab Manual. 

1. Tape the batteries together so the pos¬ 

itive end of one touches the negative 

end of another.Tape the bare end of 

one wire to the positive terminal of the 

battery assembly and the bare end of 

the other wire to the negative terminal. 

CAUTION Bare wire ends can be sharp 

and scratch skin. Handle with care. 
• clear plastic cup 

• distilled water 

• tap water 

• vinegar 

• sucrose 

• sodium chloride 

• baking soda 

• conductivity probe 
(optional) 

2. Half fill the cup with distilled water. 

Hold the bare ends of the wires close 

together in the water. Look for the pro¬ 

duction of bubbles.Theyarea sign that 

the solution conducts electric current. 

3. Repeat Step 2 with tap water, vinegar, 

and concentrated solutions of sucrose, 

sodium chloride, and baking soda 

(sodium hydrogen carbonate). 

Analyze and Conclude 

1. Which solutions produced bubbles of 

gas? Explain. 

2. Which samples did not produce bub¬ 

bles of gas? Explain. 

3. Would you expect the same results if 

you used only one battery? If you used 

six batteries? Explain your answer. 

7.2 Section Assessment 

14. Key Concept How can you describe the elec¬ 

trical charge of an ionic compound? 

15. Key Concept What properties characterize 

ionic compounds? 

16. Define an ionic bond. 

17. How can you represent the composition of an 

ionic compound? 

18. Write the correct chemical formula for the com¬ 

pounds formed from each pair of ions. 

a. K+, S2- b. Ca2+, 02~ 

c. Na+, O2" d. Al3+, N3' 

19. Write formulas for each compound. 

a. barium chloride b. magnesium oxide 

c. lithium oxide d. calcium fluoride 

20. Which pairs of elements are likely to form 

ionic compounds? 

a. Cl, Br b. Li, Cl 

c. K, He d. I, Na 

21. Describe the arrangement of sodium ions and 

chlbride ions in a crystal of sodium chloride. 

22. Why do ionic compounds conduct electric 

current when they are melted or dissolved in 

water? 

BlHutTiTW^.... 
Restoring Electrolytes Read about restoring elec¬ 

trolytes on page R8. Write electron configurations 
for the two principal ions found in body fluids. 

Assessment 7.2 Test yourself 
on the concepts in Section 7.2. 

--with ChemASAP 
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Analysis of Anions and Cations 

Purpose 

To develop tests for various ions and use the tests to 

analyze unknown substances. 

Materials 
« pencil 

• ruler 

• medicine droppers 

• chemicals shown in 

Figures A and B 

l\la2S04 

.2—1 

• paper 

• reaction surface 

• pipet 

AgN03 

HCI plus 
1 piece 
of Fe(s) 

Pb(NO 3'2 

IMaOH 

KSCIM 

HN03 

(S042-) (NO3-) 

Na3P04 

(PO43-) 

1 :OK 

ref ere* 
.. 

!CE 

Kl 

(K+) 

Figure A 
Anion Analysis 

CaCI2 

(Ca2+) 

FeCI3 

(Fe3+) 

1 •OR 
spirts [CE ref 

Figure B 
Cation Analysis 

Procedure ISI m £3 a o 5s 
On one sheet of paper, draw grids similar to Figure A and 

Figure B. Draw similar grids on a second sheet of paper. 

Make each square 2 cm on each side. Place a reaction 

surface over the grids on one of the sheets of paper and 

add one drop of each solution or one piece of each solid 

as shown in Figures A and B. Stir each solution by blowing 

air through an empty pipet. Use the grids on the second 

sheet of paper as a data table to record your observations 

for each solution. 

Analyze 
Using your experimental data, record the answers to the 

following questions below your data table. 

1. Carefully examine the reaction of Fe(s) and HCI in the 

presence of HN03.What is unique about this reaction? 

How can you use it to identify nitrate ion? 

2. Which solutions from Figure A are the best for identify¬ 

ing each anion? Which solutions from Figure B are the 

best for identifying each cation? Explain. 

3. Can your experiments identify K+ ions? Explain. 

You're the Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Design It! Obtain a set of unknown anion solutions 

from your teacher and design and carry out a series of 

tests that will identify each anion. 

2. Design It! Obtain a set of unknown cation solutions 

from your teacher and design and carry out a series of 

tests that will identify each cation. 

3. Design It! Obtain a set of unknown solid ionic com¬ 

pounds from your teacher. Design and carry out a 

series of tests that will identify each ion present. 
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7.3 Bonding in Metals 

Connecting to Your World v , , , 
You have probably seen deco¬ 

rative fences, railings, or weathervanes made of a metal called wrought 

iron. Wrought iron is a very pure form of iron that contains trace amounts 

of carbon. It is a tough, malleable, ductile, and 

corrosion-resistant material that melts at a 

very high temperature. As you already 

know, metals often have distinctive, use¬ 

ful properties. In this section, you will 

learn how metallic properties derive from 

the way that metal ions form bonds with 

one another. 

Metallic Bonds and Metallic Properties 
Metals are made up of closely packed cations rather than neutral atoms. 

(The valence electrons of metal atoms can be modeled as a sea of elec¬ 

trons. That is, the valence electrons are mobile and can drift freely from 

one part of the metal to another. Metallic bonds consist of the attraction of 

the free-floating valence electrons for the positively charged metal ions. 

These bonds are the forces of attraction that hold metals together. 

The sea-of-electrons model explains many physical properties of met¬ 

als. For example, metals are good conductors of electrical current because 

electrons can flow freely in them. As electrons enter one end of a bar of 

metal, an equal number leave the other end. Metals are ductile—that is, 

they can be drawn into wires, as shown in Figure 7.12. Metals are also mal¬ 

leable, which means that they can be hammered or forced into shapes. 

Guide for Reading 

<^ Key Concepts 

9 How can you model the valence 

electrons of metal atoms? 

• How are metal atoms arranged? 

» Why are alloys important? 

Vocabulary 
metallic bonds 

alloys 

Reading Strategy 
Using Prior Knowledge Before 

you read, jot down three things 

you know about metals.When you 

have read the section, explain 

how what you already knew 

helped you learn something new. 

Textbook 

Animation 9 See how 

metallic bonding explains 

some physical properties 

of metals. 

with ChemASAP 

Force Force Force 

Metah ▼ 
rod 

Die- 

Wire- 

Sea of ^ 
electrons 

la — — 
Metal_1 ® 
cation x ••• " 

9 a. 0 
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\ 
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© © 
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T 

A Strong 
~ w repulsions 

9 

,0 4 

O Metal 0) Ionic crystal 

Figure 7.12 A metal rod can 

be forced through a narrow 
opening in a die to produce 

wire. 0 As this occurs, the 
metal changes shape but 
remains in one piece. (!) If 

an ionic crystal were forced 
through the die, it would 
shatter. Interpreting 
Diagrams What causes the 

ionic crystal to break apart? 
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Figure 7.13 These tomatoes 

illustrate a pattern called a 
hexagonal close-packed 

arrangement. 

Figure 7.14 Metal atoms 

crystallize in characteristic 

patterns. O Chromium atoms 
have a body-centered cubic 
arrangement. © Gold atoms 

have a face-centered cubic 
arrangement. ©Zincatoms 
have a hexagonal close-packed 

arrangement. Inferring Which 

of these arrangements is the 
most closely packed? 

Both the ductility and malleability of metals can be explained in terms 

of the mobility of valence electrons. A sea of drifting valence electrons insu¬ 

lates the metal cations from one another. When a metal is subjected to 

pressure, the metal cations easily slide past one another like ball bearings 

immersed in oil. In contrast, if an ionic crystal is struck with a hammer, the 

blow tends to push the positive ions close together. They repel, and the 

crystal shatters. 

Crystalline Structure of Metals 
The next time you visit a grocery store, take a look at how the apples or 

tomatoes are stacked. More than likely, they will have a close-packed 

arrangement, as shown in Figure 7.13. This arrangement helps save space 

while allowing as many tomatoes to be stacked as possible. 

Similar arrangements can be found in the crystalline structures of met¬ 

als. You maybe surprised to learn that metals are crystalline. In fact, metals 

that contain just one kind of atom are among the simplest forms of all crys¬ 

talline solids. Metal atoms are arranged in very compact and orderly 

patterns. For spheres of identical size, such as metal atoms, there are sev¬ 

eral closely packed arrangements that are possible. Figure 7.14 shows three 

such arrangements: body-centered cubic, face-centered cubic, and hexag¬ 

onal close-packed arrangements. 

In a body-centered cubic structure, every atom (except those on 

the surface) has eight neighbors. The elements sodium, potassium, iron, 

chromium, and tungsten crystallize in a body-centered cubic pattern. In a 

face-centered cubic arrangement, every atom has twelve neighbors. 

Among the metals that form a face-centered cubic lattice are copper, silver, 

gold, aluminum, and lead. In a hexagonal close-packed arrangement, every 

atom also has twelve neighbors. Because of its hexagonal shape, however, 

the pattern is different from the face-centered cubic arrangement. Metals 

that have the hexagonal close-packed crystal structure include magne¬ 

sium, zinc, and cadmium. 

(^Checkpoint) What metals crystallize in a face-centered cubic pattern? 

Chromium 

Body-centered cubic Face-centered cubic 

Zinc 

Hexagonal close-packed 
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Alloys 
Although every day you use metallic items, such as spoons, very few of 

these objects are pure metals. Instead, most of the metals you encounter 

are alloys. Alloys are mixtures composed of two or more elements, at least 

one of which is a metal. Brass, for example, is an alloy of copper and zinc. 

(^ Alloys are important because their properties are often superior to those 

of their component elements. Sterling silver (92.5% silver and 7.5% copper) 

is harder and more durable than pure silver but still soft enough to be made 

into jewelry and tableware. Bronze is an alloy generally containing seven 

parts of copper to one part of tin. Bronze is harder than copper and more 

easily cast. Nonferrous (non-iron) alloys, such as bronze, copper-nickel, 

and aluminum alloys, are commonly used to make coins. 

The most important alloys today are steels. The principal elements in 

most steel, in addition to iron and carbon, are boron, chromium, manga¬ 

nese, molybdenum, nickel, tungsten, and vanadium. Steels have a wide 

range of useful properties, such as corrosion resistance, ductility, hardness, 

and toughness. Table 7.3 lists the composition of some common alloys. 

Alloys can form from their component atoms in different ways. If the 

atoms of the components in an alloy are about the same size, they can 

replace each other in the crystal. This type of alloy is called a substitutional 

alloy. If the atomic sizes are quite different, the smaller atoms can fit into the 

interstices (spaces) between the larger atoms. Such an alloy is called an inter¬ 

stitial alloy. In the various types of steel, for example, carbon atoms occupy 

the spaces between the iron atoms. Thus, steels are interstitial alloys. 

Figure 7.15 Bicycle frames are 

often made of titanium alloys 
that contain aluminum and 

vanadium. 

Table 7.3 ^ 

Composition of Some 
Common Alloys 

Name 
Composition 

(by mass) 

Sterling 
silver 

Ag 92.5% 
Cu 7.5% 

Cast iron Fe 96% 
C 4% 

Stainless 
steel 

Fe 80.6% 
Cr 18.0% 
C 0.4% 
Ni 1.0% 

Spring 
steel 

Fe 98.6% 
Cr 1.0% 
C 0.4% 

Surgical 
steel 

Fe 67% 
Cr 18% 
Ni 12% 
Mo 3% 

7.3 Section Assessment 

23. Key Concept How do chemists model the 

valence electrons in metal atoms? 

24. Key Concept How can you describe the 

arrangement of atoms in metals? 

25. Key Concept Why are alloys more useful than 

pure metals? 

26. Describe what is meant by ductile and malleable. 

27. Why is it possible to bend metals but not ionic 

crystals? 

28. What are three different packing arrangements 

found in metallic crystals? 

29. Describe two widely used alloys. 

Writing Activity 

Explanatory Paragraph Write a paragraph 

describing how the sea-of-electrons model is used 
to explain the physical properties of metals. 

Hint: First write a sentence that summarizes the 
model.Then discuss how the model applies to 

specific properties of metals. 

Textbook 

Assessment 7.3 Test yourself 
on the concepts in Section 7.3. 

-with ChemASAP 
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Chrysler Building 

New York City 

Completed in 1930, this 

steel-frame high-rise stands 
319 m tall and features a 

distinctive spire sheathed 

in shiny stainless steel. 

steel-frame construction differ from 

rein forced-concrete construction ? 

The Atomium 

Brussels, Belgium 

Designed to resemble a crystal of 

iron magnified 165 billion times,the 

Atomium consists of nine spheres 

madeofaluminum-alloy panelsand 

connected by steel tubes.The top 
sphere contains an observation 

deck 92 meters above ground. 

Building with Alloys 

Jewish Museum Berlin 

Berlin, Germany 

This angular building is 

covered in thin sheets of 

zinc-titanium alloy.The 

untreated alloy will slowly 

oxidize and change color 

from exposure to the air 
and weather. 

Modern architecture would be a lot shorter if it weren't 

for steel. Since the late 1800s, using steel columns and 

girders in construction has allowed architects to design 

taller, stronger, and lighter buildings. Unlike buildings 

made of wood, brick, or stone, steel structures are 

strong enough to accommodate large, open interior 

spaces that do not require supporting walls. Usually, 

you can't see the steel used to construct a building; 

either it's hidden by the floors and walls, or—in the case 

of a building made of reinforced concrete—it's actually 

embedded in the floors and walls.The exteriors of 

buildings often feature lighter alloys, such as alloys 

of aluminum or titanium that resist corrosion. 

Comparing and Contrasting How does 

Technology & Socie 
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Steel-frame construction 

The most common method 

to build a high-rise is to use 

a steel framework. Steel 

frames can be assembled 

quickly and allow for 

flexible interior spaces. 

Reinforced-concrete construction 

Another method for building high-rises 

is to use reinforced concrete. Concrete is 

more rigid than steel and holds up better 

structurally in fires. In addition, a concrete 

frame takes up less vertical space than a 

steel frame, meaning that a concrete-frame 
building can contain more floors than a 

steel-frame building of the same height. 



CHAPTER 

7 Study Guide 

Key Concepts 

(T^ 7.1 Ions 

• To find the number of valence electrons in 
an atom of a representative element, simply 
look at its group number. 

• Atoms of the metallic elements tend to lose 
their valence electrons, leaving a complete 
octet in the next-lowest energy level. Atoms of 
some nonmetallic elements tend to gain elec¬ 
trons to achieve a complete octet. 

• An atom’s loss of valence electrons produces 
a positively charged cation. 

• The gain of electrons by a neutral atom pro¬ 
duces negatively charged anion. 

<f^ 7.2 Ionic Bonds and Ionic Compounds 

• Although they are composed of ions, ionic 
compounds are electrically neutral. 

• Most ionic compounds are crystalline solids 
at room temperature, and they generally 
have high melting points. Ionic compounds 
can conduct an electric current when melted 
or dissolved in water. 

<f^ 7.3 Bonding in Metals 

• The valence electrons of metal atoms can be 
modeled as a sea of electrons. 

• Metal atoms are arranged in very compact 
and orderly patterns. 

• Alloys are important because their proper¬ 
ties are often superior to those of their com¬ 
ponent elements. 

Vocabulary 

• alloys (p. 203) 

• chemical formula (p. 195) 

• coordination number (p. 198) 

• electron dot structure (p. 188) 

• formula unit (p. 195) 

• halide ion (p. 192) 

• ionic bonds (p. 194) 

• ionic compounds (p. 194) 

• metallic bonds (p. 201) 

• octet rule (p. 188) 

• valence electron (p. 187) 

Organizing Information 

Use these terms to construct a 
concept map that organizes the 
major ideas of this chapter. 

Textbook 
Concept Map 7 Solve the 
Concept Map with the help of 
an interactive guided tutorial. 

-withChemASAP 

stable electron 
configuration 

properties of 
ionic compounds 
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Assessment 

Reviewing Content 

7.1 Ions 

30. Describe two ways that an ion forms from an 

atom. 

31. State the number of electrons either lost or 

gained in forming each ion. 

a. Br b. Na+ 

c. As3~ d. Ca2+ 

e. Cu+ f. H“ 

32. Name each ion in Problem 31. Identify each as 

an anion or a cation. 

33. Define valence electrons. 

34. How many electrons does each atom have? What 

group is each in? 

a. nitrogen b. lithium 

c. phosphorus d. barium 

e. bromine f. carbon 

35. Write electron dot structures for each of the 

following elements. 

a. Cl b. S 

c. A1 d. Li 

36. How many electrons must each atom lose to 

attain a noble-gas electron configuration? 

a. Ca b. A1 

c. Li d. Ba 

37. Write the formula for the ion formed when 

each of the following elements loses its 

valence electrons. 

a. aluminum b. lithium 

c. barium d. potassium 

e. calcium f. strontium 

38. Why do nonmetals tend to form anions when 

they react to form compounds? 

39. What is the formula of the ion formed when the 

following elements gain or lose valence electrons 

and attain noble-gas configurations? 

a. sulfur b. sodium 

c. fluorine d. phosphorus 

40. How many electrons must be gained by each of 

the following atoms to achieve a stable electron 

configuration? 

a. N b. S 

c. Cl d. P 

7.2 Ionic Bonds and Ionic Compounds 

41. Which of the following pairs of atoms would you 

expect to combine chemically to form an ionic 

compound? 

a. Li and S b. O and S 

c. A1 and O d. F and Cl 

e. I and K f. H and N 

42. Identify the kinds of ions that form each ionic 

compound. 

a. calcium fluoride, CaF2 

b. aluminum bromide, AlBr3 

c. lithium oxide, Li20 

d. aluminum sulfide, A12S3 

e. potassium nitride, K3N 

43. Explain why ionic compounds are electrically 

neutral. 

44. Which of the following pairs of elements will not 

form ionic compounds? 

a. sulfur and oxygen 

b. sodium and calcium 

c. sodium and sulfur 

d. oxygen and chlorine 

45. Write the formula for the ions in the following 

compounds. 

a. KC1 b. BaS04 

c. MgBr2 d. Li2C03 

46. Most ionic substances are brittle. Why? 

47. Explain why molten MgCl2 does conduct an 

electric current although crystalline MgCl2 

does not. 

7.3 Bonding in Metals 

48. Explain briefly why metals are good conductors 

of electricity. 

49. Name the three crystal arrangements of closely 

packed metal atoms. Give an example of a metal 

that crystallizes in each arrangement. 

50. Name some alloys that you have used or seen 

today. 

51. Explain why the properties of all steels are not 

identical. 
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CHAPTER 

7 Assessment continued 

Understanding Concepts 

52. Construct a table that shows the relationship 

among the group number, valence electrons lost 

or gained, and the formula of the cation or anion 

produced for the following metallic and nonme- 

tallic elements: Na, Ca, Al, N, S, Br. 

53. Write electron dot formulas for the following 

atoms. 

a. C b. Be 

c. O d. F 

e. Na f. P 

54. Show the relationship between the electron dot 

structure of an element and the location of the 

element in the periodic table. 

55. In terms of electrons, why does a cation have a 

positive charge? 

56. Why does an anion have a negative charge? 

57. The spheres below represent the relative diame¬ 

ters of atoms or ions. Rearrange the sequences 

in a. and b. so the relative sizes of the particles 

correspond to the increasing size of the particles 

as shown in the illustration. 

a. oxygen atom, oxide ion, sulfur atom, sulfide 

ion 

b. sodium atom, sodium ion, potassium atom, 

potassium ion 

58. Write electron configurations for the 2+ cations 

of these elements. 

a. Fe b. Co 

c. Ni 

59. Write electron configurations for the 3+ cations 

of these elements. 

a. chromium b. manganese 

c. iron 

60. The atoms of the noble gas elements are stable. 

Explain. 

61. Write the formula for the ion formed when each 

element gains electrons and attains a noble-gas 

configuration. 

a. Br b. H 

c. As d. Se 

62. Write electron configurations for these atoms 

and ions, and comment on the result. 

a. Ar b. Cl- 

c. S2- d. P3- 

63. Write electron configurations for the following 

and comment on the result. 

a. N3- b. O2- 

c. F- d. Ne 

64. Name the first four halogens. What group are 

they in, and how many valence electrons does 

each have? 

65. Write complete electron configurations for the 

following atoms and ions. For each group, com¬ 

ment on the results. 

a. Ar, K+, Ca2+ 

b. Ne, Na+, Mg2+, Al3+ 

If ionic compounds are composed of charged 

particles (ions), why isn’t every ionic compound 

either positively or negatively charged? 

Which of the following substances are most 

likely not ionic? 

a. F120 b. Na20 

c. C02 d. CaS 

e. S02 f. NH3 

68. Can you predict the coordination number of an 

ion from the formula of an ionic compound? 

Explain. 

69. Metallic cobalt crystallizes in a hexagonal close- 

packed structure. How many neighbors will a 

cobalt atom have? 

70. Explain how hexagonal close-packed, face- 

centered cubic, and body-centered cubic unit 

cells are different from one another. 

71. The properties of all samples of brass are not 

identical. Explain. 
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Critical Thinking Concept Challenge 

72. What is the relationship between the number of 

electrons in the valence shells in an electron 

configuration diagram for an atom and the 

number of dots in the corresponding electron 

dot structure? 

73. Why are many elements more stable as ions than 

they are as atoms? 

74. Describe the formation of a cation that is an 

exception to the octet rule. In your description, 

compare the electron configuration of the cation 

to the electron configurations of the nearest 

noble gases. 

75. Is it accurate to describe sodium chloride (NaCl) 

as consisting of individual particles, each made 

up of one Na+ cation and one Cl- anion? Explain 

your answer. 

76. How do the motions of sodium ions and chloride 

ions in molten sodium chloride differ from the 

motions of these ions in sodium chloride crystals? 

77. How atoms and ions are arranged in crystals is not 

just dependent on size. The spheres in each atomic 

window below are identical in size. The windows 

have exactly the same area. In which window 

are the spheres more closely packed? Explain your 

reasoning. 

78. Two physical properties of metals are ductility 

and malleability. Explain these properties based 

on what you know about the valence electrons of 

metal atoms. 

79. Compare and contrast the physical and chemical 

characteristics of metals and ionic compounds. 

80. Classify each atom in the following list. Will each 

atom form a cation or an anion? Or is it chemi¬ 

cally unreactive? For the atoms that do form ions 

during a chemical reaction, write the number of 

electrons the atom wall gain or lose. 

a. lithium 

b. sodium 

c. neon 

d. chlorine 

e. magnesium 

81. The chemically similar alkali metal chlorides 

NaCl and CsCl have different crystal structures, 

whereas the chemically different NaCl and MnS 

have the same crystal structures. Why? 

82. Silver crystallizes in a face-centered cubic 

arrangement. A silver atom is at the edge of each 

lattice point. The length of the edge of the unit 

cell is 0.4086 nm. What is the atomic radius of 

silver? 

83. List the elements that are used to make each 

alloy. 

a. brass 

b. sterling silver 

c. bronze 

d. stainless steel 

e. surgical steel 

f. spring steel 
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CHAPTER 

Assessment continued 

Cumulative Review 

84. How is organic chemistry distinguished from 

inorganic chemistry? (Chapter 1) 

85. What is the name given to a chemist who studies 

the composition of matter? (Chapter 1) 

86. Explain an easy way to conserve energy. 

(Chapter 1) 

87. Classify the following as chemical or physical 

changes. (Chapter 2) 

a. Cookies are baked. 

b. A firefly emits light. 

c. A figure is carved from wood. 

d. Caramel is made from sugar. 

88. Which of the following is not a homogeneous 

mixture? (Chapter 2) 

a. gold ring 

b. spaghetti sauce 

c. cane sugar 

d. window glass 

e. river water 

f. bottled water 

89. What physical state(s) can each of the following 

substances become as you raise its temperature? 

(Chapter 2) 

a. silver b. gasoline 

c. ice d. wax 

90. Round each measurement to the number of 

significant figures indicated in parentheses. 

(Chapter 3) 

a. 56.55 g (3) b. 0.004 849 m (2) 

c. 1.8072 L (3) d. 4.007 X 103 mg (2) 

91. Which of the following linear measurements is 

the longest? (Chapter 3) 

a. 6 X 104 cm b. 6 X 106 mm 

c. 0.06 km d. 6 x 109nm 

92. Helium has a boiling point of 4 K. This is the 

lowest boiling point of any liquid. Express this 

temperature in degrees Celsius. (Chapter 3) 

93. The density of silicon is 2.33 g/cm3. What is the 

volume of a piece of silicon that has a mass of 

62.9 g? (Chapter 3) 

94. Express the composition of each atom in short¬ 

hand form. (Chapter 4) 

a. zinc-64 b. chlorine-37 

c. hydrogen-3 d. calcium-40 

95. An atom of carbon and an atom of element Z 

together have a mass of 6 amu less than double 

the mass of an atom of oxygen, ff an atom of 

oxygen has a mass of 16 amu and the mass of an 

atom of carbon is 12 amu, what is the mass of 

an atom of element Z? (Chapter 4) 

96. Determine the number of protons, electrons, 

and neutrons in each of the three isotopes of 

oxygen. (Chapter 4) 

97. How many orbitals are in the following sublev¬ 

els? (Chapter 5) 

a. 45 sublevel b. 2p sublevel 

c. 35 sublevel d. 4d sublevel 

98. Give the symbol for each element and write the 

electron configuration for each atom. 

(Chapter 5) 

a. nitrogen b. beryllium 

c. phosphorus d. potassium 

99. An atom of an element has 17 electrons. Give the 

name and symbol of the element and write the 

complete electron configuration. (Chapters) 

100. A beam of electromagnetic radiation has a 

wavelength of 500 nm. (Chapter 5) 

a. What is this wavelength in meters? 

b. In what region of the spectrum is this? 

101. Give the symbol of the element and the com¬ 

plete electron configuration of the element 

found at each location in the periodic table. 

(Chapter 6) 

a. Group 1A, period 4 

b. Group 3A, period 3 

c. Group 6A, period 3 

d. Group 2A, period 6 

102. Which subatomic particle plays the most 

important role in chemistry? (Chapter 6) 

103. Give the name and symbol of two elements that 

have properties similar to those of potassium. 

(Chapter 6) 
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Standardized Test Prep 

Test-Taking Tip 

Read through all answers before making your 
choice Even if you find an answer that looks cor¬ 

rect, continue reading until you have looked at 

every answer. There may be more than once cor¬ 

rect response, or one may be better than 

another. Also, "all of the above" may be a possi¬ 

ble answer. If you stop reading too soon as you 

find an answer that is correct, you won't notice 

this option. 

Select the choice that best answers each question or 

completes each statement. 

1. Which of these is not an ionic compound? 

a. KF b. Na2S04 

c. Si02 d. Na20 

2. Which statements are correct when barium and 

oxygen react to form an ionic compound? 

I. Barium atoms lose 2 electrons and form a 

cation. 

II. Oxygen atoms form oxide anions (O2-). 

III. In the compound the ions are present in a 

one-to-one ratio. 

a. I and II only 

b. II and III only 

c. I and III only 

d. I, II, and III 

3. How many valence electrons does arsenic have? 

a. 5 b. 4 

c. 3 d. 2 

4. For which compound name is the incorrect for¬ 

mula given? 

a. magnesium iodide, Mgl2 

b. potassium selenide, K2Se 

c. calcium oxide, Ca202 

d. aluminum sulfide, A12S3 

5. Which electron configuration represents a 

nitride ion? 

a. ls* 1 22s23s24s2 b. lsz2s22p3 

c. ls2 52s22p6 d. Is2 

6. When a bromine atom gains an electron 

a. a bromide ion is formed. 

b. the ion formed has a 1“ charge. 

c. the ion formed is an anion. 

d. all the above are correct. 

The lettered choices below refer to Questions 7-10. A 

lettered choice may be used once, more than once, or 

not at all. 

(A) gains two electrons 

(B) loses two electrons 

(C) gains three electrons 

(D) loses one electron 

(E) gains one electron 

Which choice describes what happens as each of the 

following elements forms its ion? 

7. iodine 

8. magnesium 

9. cesium 

10. phosphorus 

Use the description and the graph to answer 

Questions 11-13. 

Lattice energy is the energy required to change one 

mole of a crystalline, ionic solid to gaseous ions. The 

graph below shows the lattice energy for ionic com¬ 

pounds formed between selected alkali metals and 

halogens. 

Lattice Energy for Selected 

Ionic Compounds 

F Cl Br I 

Li — 

Na — 

K — 

Rb — 

Cs — 

11. For a given alkali metal, what is the trend in 

lattice energy as the atomic radius of the halo¬ 

gens increases? 

12. For a given halogen, what is the trend in lattice 

energy as the atomic radius of the alkali metals 

increases? 

13. Complete this sentence. “As the atomic radius of 

either the halogen or the alkali metal increases, 

the lattice energy_.” 
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from attractions 
between water 

CHAPTER 

ovalent 

INQUIRY Actiwity 

Shapes of Molecules 
Materials 

nine spherical balloons, several short 

pieces of string 

Procedure 

1. Inflate the nine balloons to approximately the 

same size and tie them off. 

2. Use short pieces of string to tie the ends of two 

balloons together to form a cluster.Tie the ends of 

three other balloons together to form a second 

cluster,and then tie the remaining four balloons to 

form a third cluster. 

3. Hold the four balloons from the tied ends and 

observe how they tend to arrange themselves. 

4. Sketch the three-dimensional shape of each bal¬ 

loon cluster. 

Think About It 

1. What are some geometric terms that you can use 

to describe the shapes? 

2. Some of the terms used by chemists to describe 

these shapes are trigonal planar, tetrahedral, and 

linear. Match each term with one of the shapes you 

made. 



8.1 Molecular Compounds 

Connecting to Your World 
These toy models are made Guide for Reading 

from circular pieces joined together in units by sticks. Although the types 
<^ Key Concepts 

• How are the melting points and 

boiling points of molecular 

compounds different from 

those of ionic compounds? 

• What information does a 

molecular formula provide? 

Vocabulary 

covalent bond 

molecule 

diatomic molecule 

molecular compound 

Building Vocabulary As you 

read the section, write a definition 

of each vocabulary term in your 

own words. 

Molecules and Molecular Compounds 
In nature, matter takes many forms. The noble gas elements, such as 

helium and neon shown in Figure 8.1, exist as atoms. They are monatomic; 

that is, they consist of single atoms. You learned in the previous chapter 

that atoms of some elements combine to form ionic com] 

compounds are crystalline solids with high melting points. 

Other compounds, however, can have very different prof 

gen chloride (HC1), for example, is a gas at room temperatur 

is a liquid at room temperature. These two compounds a: 

from ionic compounds that you might correctly suspect tl 

between ions fail to explain their bonding. Such compound; 

Their combining atoms do not give up electrons or accept el 

Instead, a “tug of war” for the electrons takes place betwi 

bonding the atoms together. The atoms held together by she 

are joined by a covalent bond. 

Figure 8.1 The noble gases, including 

helium and neon, are monatomic. That 

means they exist as single atoms. Helium, 
being less dense than air, is often used to 

inflate balloons. The colors produced in 
what we commonly call neon lights are a 

result of passing an electric current 
through one or more noble gases. 



Figure 8.2 Water is a molecular 
compound with molecules 

composed of two hydrogen 
atoms and one oxygen atom. 
Carbon monoxide is a molecular 
compound with molecules 
composed of one carbon atom 

and one oxygen atom. 

Go inline c 
>SCl,NKS 

For: Links on Covalent 
Bonds 

Web Code: cdn-1081 

Water (H20) Carbon monoxide (CO) 

Some elements found in nature are in the form of molecules. A 

molecule is a neutral group of atoms joined together by covalent bonds. For 

example, air contains oxygen molecules. Each oxygen molecule consists of 

two oxygen atoms joined by covalent bonds. A diatomic molecule is a mol¬ 

ecule consisting of two atoms. An oxygen molecule is a diatomic molecule. 

Atoms of different elements can combine chemically to form com¬ 

pounds. In many compounds, atoms are bonded to each other to form 

molecules. Examples include water and carbon monoxide, which are 

described in Figure 8.2. A compound composed of molecules is called a 

molecular compound. The molecules of a given molecular compound are 

all the same. Remember, there is no such thing as a molecule of sodium 

chloride or magnesium chloride. Instead, these ionic compounds exist as 

collections of positively and negatively charged ions arranged in repeating 

three-dimensional patterns. Recall from Chapter 7 that the composition of 

ionic compounds is expressed as formula units. 

O Molecular compounds tend to have relatively lower melting and 

boiling points than ionic compounds. Many molecular compounds are 

gases or liquids at room temperature. In contrast to ionic compounds, 

which are formed from a metal combined with a nonmetal, most molecu¬ 

lar compounds are composed of atoms of two or more nonmetals. For 

example, one atom of carbon can combine with one atom of oxygen to pro¬ 

duce one molecule of a compound known as carbon monoxide. Carbon 

monoxide is a poisonous gas produced by burning gasoline in internal 

combustion engines. Figure 8.3 illustrates some differences between ionic 

and molecular compounds, using sodium chloride and water as examples. 

Figure 8.3 Sodium chloride, 
which is an ionic compound, and 
water, which is a molecular 

compound, are compared here. 
Interpreting Diagrams How 
do molecular compounds differ 
from ionic compounds? 

Ionic compound - Table Salt Molecular compound - Water 

Chemical formula: NaCI Chemical formula: H20 
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Figure 8.4 Ethane is a 

component of natural gas. 
Inferring What information 

about the ethane molecule 

given by its molecular formula 

C2H6 is also given by the drawing 
shown here? 

Molecular Formulas 
A molecular formula is the chemical formula of a molecular compound. 

A molecular formula shows how many atoms of each element a molecule 

contains. A water molecule consists of two hydrogen atoms and one oxygen 

atom. The molecular formula of water is H20. Notice that a subscript writ¬ 

ten after the symbol indicates the number of atoms of each element in the 

molecule. If there is only one atom, the subscript 1 is omitted. The molecu¬ 

lar formula of carbon dioxide is C02. This formula represents a molecule 

containing one carbon atom and two oxygen atoms. As shown in Figure 8.4, 

ethane, a component of natural gas, is also a molecular compound. The 

molecular formula for ethane is C2H6. According to this formula, one mole¬ 

cule of ethane contains two carbon atoms and six hydrogen atoms. A 

molecular formula reflects the actual number of atoms in each molecule. 

The subscripts are not necessarily lowest whole-number ratios. 

Molecular formulas also describe molecules consisting of one element. 

Because the oxygen molecule consists of two oxygen atoms bonded together, 

its molecular formula is 02. 

A molecular formula does not tell you about a molecule’s structure. In 

other words, it does not show either the arrangement of the various atoms 

in space or which atoms are covalently bonded to one another. A variety of 

diagrams and molecular models, some of them illustrated in Figure 8.5, 

can be used to show the arrangement of atoms in a molecule. Diagrams 

and models like these will be used throughout the textbook. 

(VTCheckpoint) What is the molecular formula for ethane? 

Ammonia 

NH 3(g) 

Molecular formula 

H-N-H 

H 

Structural formula 

Space-filling 
molecular model 

Perspective 
drawing 

N I 
H/ '^nr $ 

$ 
Ball-and-stick 

molecular model 

Figure 8.5 Ammonia (NH3) is 
used in solution as a cleaning 
agent. You can represent the 

ammonia molecule by its 
molecular formula, its structural 
formula, a space-filling molecular 
model, a perspective drawing, 

or by a ball-and stick molecular 

model. 
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Figure 8.6 The formula of a 
molecular compound indicates 

the numbers and kinds of atoms. 
The arrangement of the atoms 
within a molecule is called its 

molecular structure. Using 
Models Which of these 
molecules has the greatest 
number of oxygen atoms? 

Hydrogen atom (H) 

A 
Water (H20) 

1 molecule of H20 
contains 

2 hydrogen atoms 
1 oxygen atom 

9 
Carbon atom (C) 

Carbon dioxide (C02) 

1 molecule of C02 
contains 

2 oxygen atoms 
1 carbon atom 

Oxygen atom (0) 

*#* 
Ethanol (C2H60) 

1 molecule of C2H60 
contains 

6 hydrogen atoms 
2 carbon atoms 
1 oxygen atom 

Figure 8.6 shows the chemical formulas and structures of some other 

molecular compounds. Carbon dioxide, for example, is a gas produced by 

the complete burning of carbon. It is found in Earth’s atmosphere and 

dissolved in seawater. It is also used to carbonate many beverages. The 

molecular structure of carbon dioxide in Figure 8.6 shows how the carbon 

atom in each molecule has two oxygen atoms on opposite sides of it. It 

shows how the three atoms are arranged in a row. The molecular structure 

of water shows how the hydrogen atoms, in contrast, are mainly on one 

side of the water molecule. The molecular structure of ethanol is more 

complicated, but the molecular structure illustrated in Figure 8.6 also 

shows how many of each kind of atom are in each molecule, and how the 

atoms are arranged with respect to one another. 

8.1 Section Assessment 

1 • Key Concept How are the melting points and 

boiling points of molecular compounds usually 

different from those of ionic compounds? 

2. C3^ Concept What information does a 

molecular formula provide? 

3. What are the only elements that exist in nature 

as uncombined atoms? What term is used to 

describe such elements? 

4. Describe how the molecule whose formula is 

NO is different from the molecule whose formula 

is N20. 

5. Give an example of a diatomic molecule found in 

Earth’s atmosphere. 

6. What information does a molecule’s molecular 

structure give? 

Writing Activity 

Molecular Compounds and Formulas Describe 

what a molecular compound is. Explain how a 

molecular formula is the chemical formula of a 
molecular compound. 

Textbook 
Assessment 8.1 Test yourself 
on the important concepts of 
Section 8.1. 

with ChemASAP 
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8.2 The Nature of Covalent Bonding 

Connecting to Your World You know that wlthout oxygen 

to breathe, you could not live. But did you know that oxygen plays 

another important role in your life? High in the atmosphere, a different 

form of oxygen, called ozone, forms a layer that filters 

out harmful radiation from the sun.The colors in 

this map indicate the concentrations of ozone in 

various parts of Earth's atmosphere. In this 

section,you will learn how oxygen atoms can 

join in pairs to form the oxygen you breathe and 

can also join in groups of three oxygen atoms to 

form ozone. 

The Octet Rule in Covalent Bonding 
Recall that when ionic compounds form, electrons tend to be transferred 

so that each ion acquires a noble gas configuration. A similar rule applies 

for covalent bonds. In covalent bonds, electron sharing usually occurs 

so that atoms attain the electron configurations of noble gases. For example, 

each hydrogen atom has one electron. But a pair of hydrogen atoms share 

these two electrons when they form a covalent bond in a hydrogen 

molecule. Each hydrogen atom thus attains the electron configuration 

of helium, a noble gas with two electrons. Combinations of atoms of the 

nonmetals and metalloids in Groups 4A, 5A, 6A, and 7A of the periodic 

table are likely to form covalent bonds. In this case the atoms usually 

acquire a total of eight electrons, or an octet, by sharing electrons, so that 

the octet rule applies. 

Single Covalent Bonds 
The hydrogen atoms in a hydrogen molecule are held together mainly by 

the attraction of the shared electrons to the positive nuclei. Two atoms held 

together by sharing a pair of electrons are joined by a single covalent bond. 

Hydrogen gas consists of diatomic molecules whose atoms share only one 

pair of electrons, forming a single covalent bond. 

Guide for Reading 

Key Concepts 
• What is the result of electron 

sharing in covalent bonds? 

• How do electron dot structures 

represent shared electrons? 

• How do atoms form double or 

triple covalent bonds? 

• How are coordinate covalent 

bonds different from other 

covalent bonds? 

• How is the strength of a 

covalent bond related to its 

bond dissociation energy? 

• How are oxygen atoms bonded 

in ozone? 

• What are some exceptions to 

the octet rule? 

Vocabulary 
single covalent bond 

structural formula 

unshared pair 

double covalent bond 

triple covalent bond 

coordinate covalent bond 

polyatomic ion 

bond dissociation energy 

resonance structure 

Reading Strategy 

Identifying Main Idea/Details 
List the main idea in the para¬ 

graph following the heading 

The Octet Rule in Covalent Bonding. 

As you read, list examples of 

how this rule is followed when a 

single covalent bond, a double 

covalent bond, and a triple cova¬ 

lent bond form. 

H- 

Hydrogen 
atom 

H -> 

Hydrogen 
atom 

H:H shared pair 
of electrons 

Hydrogen 
molecule 

Is 

H T 

H i 
Is Hydrogen molecule 
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An electron dot structure such as H:H represents the shared pair of 

electrons of the covalent bond by two dots. The pair of shared electrons 

forming the covalent bond is also often represented as a dash, as in H—H 

for hydrogen. A structural formula represents the covalent bonds by dashes 

and shows the arrangement of covalently bonded atoms. In contrast, the 

molecular formula of hydrogen, H2, indicates only the number of hydrogen 

atoms in each molecule. 

The halogens also form single covalent bonds in their diatomic mole¬ 

cules. Fluorine is one example. Because a fluorine atom has seven valence 

electrons, it needs one more to attain the electron configuration of a noble 

gas. By sharing electrons and forming a single covalent bond, two fluorine 

atoms each achieve the electron configuration of neon. 

;F- + ?: —-» :F;F; or :F 

Fluorine 
atom 

Fluorine 
atom 

Fluorine 
molecule 

Is 2s 2 P 

F n Ti Ti Ti T 

F Ti Ti Ti Ti i 

Is 2s 2 P 

Fluorine 

molecule 

In the F2 molecule, each fluorine atom contributes one electron to com¬ 

plete the octet. Notice that the two fluorine atoms share only one pair of 

valence electrons. A pair of valence electrons that is not shared between 

atoms is called an unshared pair, also known as a lone pair or a nonbond¬ 

ing pair. 

You can draw electron dot structures for molecules of compounds in 

much the same way that you draw them for molecules of diatomic ele¬ 

ments. Water (H20) is a molecule containing three atoms with two single 

covalent bonds. Two hydrogen atoms share electrons with one oxygen 

atom. The hydrogen and oxygen atoms attain noble-gas configurations by 

sharing electrons. As you can see in the electron dot structures below, the 

oxygen atom in water has two unshared pairs of valence electrons. 

2H- + :0- -> 

Hydrogen Oxygen 
atoms atom 

:0:F1 
H 

or -O — H 
I 

H 

Water molecule 

Is 2s 2P 

O Ti U Ti T T 

i i 

V is 
H H Water molecule 

(^Checkpoint) What does a structural formula represent? 
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You can draw the electron dot structure for ammonia (NH3), a suffocat¬ 

ing gas, in a similar way. The ammonia molecule has one unshared pair of 

electrons. 

3H- + :N- -> 

Hydrogen Nitrogen 
atoms atom 

Is 2s 2P 

N tl T! T T T 

* i i 
Is Is Is 
H H H Ammonia molecule 

Methane (CH4) contains four single covalent bonds. The carbon atom 

has four valence electrons and needs four more valence electrons to attain 

a noble-gas configuration. Each of the four hydrogen atoms contributes 

one electron to share with the carbon atom, forming four identical carbon- 

hydrogen bonds. As you can see in the electron dot structure below, meth¬ 

ane has no unshared pairs of electrons. 

H 
H | 

:N:H or :N-H 

H A 
Ammonia molecule 

4H- + C- -» 

Hydrogen Carbon 
atoms atom 

H 
H: C : H or 

H 

H 
I 

H-C-H 
I 

H 

Methane molecule 

2sand 2p 

C ti T T T T 

4r «Jl> 

Is Is Is Is 

H H H H 

Methane molecule 

When carbon forms bonds with other atoms, it usually forms four 

bonds. You would not predict this based on carbon’s electron configura¬ 

tion, shown below. 

U Ti T T 

Is2 2s2 2 p2 

(^Checkpoint) What is the electron dot structure of a methane molecule? 
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If you tried to form covalent C — H bonds for methane by combining 

the two 2p electrons of the carbon with two 1 s electrons of hydrogen atoms, 

you would incorrectly predict a molecule with the formula CH2 (instead of 

CH4). The formation of four bonds by carbon can be simply explained. One 

of carbon’s 2s electrons is promoted to the vacant 2p orbital to form the 

following electron configuration. 

U T T T T 

1s2 2s and 2p 

This electron promotion requires only a small amount of energy. The pro¬ 

motion provides four electrons of carbon that are capable of forming cova¬ 

lent bonds with four hydrogen atoms. Methane, the carbon compound 

formed by electron sharing of carbon with four hydrogen atoms, is much 

more stable than CH2. The stability of the resulting methane more than 

compensates for the small energy cost of the electron promotion. There¬ 

fore, formation of methane (CH4) is more energetically favored than the 

formation of CH2. 

CONCEPTUAL PROBLEM 8.1 

Drawing an Electron Dot Structure 
Hydrochloric acid (HC1 (aq)) is prepared by dissolving gaseous 

hydrogen chloride (HC1 (g)) in water. Hydrogen chloride is a 

diatomic molecule with a single covalent bond. Draw the electron 

dot structure for HC1. 

t | Analyze Identify the relevant concepts. 

In a single covalent bond, a hydrogen and a 

chlorine atom must share a pair of electrons. 

Each must contribute one electron to the 

bond. First, draw the electron dot structures 

for the two atoms. Then show the electron 

sharing in the compound they produce. 

Solve Apply concepts to the situation. 

H- + CT -> H:C1: 

Hydrogen Chlorine Hydrogen 
atom atom chloride molecule 

In the electron dot structures, the hydrogen 

atom and the chlorine atom are each correctly 

shown to have an unpaired electron. Through 

electron sharing, the hydrogen and chlorine 

atoms are shown to attain the electron config¬ 

urations of the noble gases helium and argon, 

respectively. 

Practice Problems 

7. Draw electron dot structures for each molecule, 

a. chlorine b. bromine c. iodine 
mm 
'Textbook 

8. The following molecules have single covalent 

bonds. Draw an electron dot structure for each, 

a. H202 b. PC13 

Problem Solving 8.8 Solve 

Problem 8 with the help of an 

interactive guided tutorial. 

•-with ChemASAP 
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Double and Triple Covalent Bonds 
Sometimes atoms bond by sharing more than one pair of electrons. Atoms 

form double or triple covalent bonds if they can attain a noble gas structure 

by sharing two pairs or three pairs of electrons. A bond that involves two 

shared pairs of electrons is a double covalent bond. A bond formed by sharing 

three pairs of electrons is a triple covalent bond. 

You might think that an oxygen atom, with six valence electrons, would 

form a double bond by sharing two of its electrons with another oxygen 

atom. 

9 

Textbook 
Simulation6 Simulate the 

covalent bonding between 

molecules. 

_withChemASAP 

■O- + :0: -> -P::Oi or ;o=o; 
Oxygen Oxygen 
atom atom 

Oxygen 
molecule 

Is 2s 2 P 

0 U U u T T 

0 H u u 1 t 

Is 2s 2 p Oxygen molecule 

In such an arrangement, all the electrons within the molecule would be 

paired. Experimental evidence, however, indicates that two of the electrons 

in 02 are still unpaired. Thus, the bonding in the oxygen molecule (02) does 

not obey the octet rule. You cannot draw an electron dot structure that ade¬ 

quately describes the bonding in the oxygen molecule. 

An element whose molecules contain triple bonds is nitrogen (N2), a 

major component of Earth’s atmosphere illustrated in Figure 8.7. In the 

nitrogen molecule, each nitrogen atom has one unshared pair of electrons. 

A single nitrogen atom has five valence electrons. Each nitrogen atom in 

the nitrogen molecule must gain three electrons to have the electron con¬ 

figuration of neon. 

;N- + •N: - -* :N;;N: or :N = N: 

Nitrogen Nitrogen Nitrogen 
atom atom molecule 

Is 2s 2 P 

U u T T f Oil 
U H l l 

Is 2s 2 P Nitrogen molecule 

Figure 8.7 Oxygen and nitrogen 

are the main components of 

Earth's atmosphere. The oxygen 

molecule is an exception to the 

octet rule. It has two unpaired 

electrons. Three pairs of electrons 

are shared in a nitrogen 

molecule. 



r Table 8.1 1 k 

The Diatomic Elements 

Name 
Chemical 
formula 

Electron dot 
structure Properties and uses 

Fluorine f2 :F — R 

Greenish-yellow reactive toxic gas. Compounds of fluorine, 
a halogen, are added to drinking water and toothpaste to 
promote healthy teeth. 

Chlorine Cl2 :CI — Cl: 
Greenish-yellow reactive toxic gas. Chlorine is a halogen 
used in household bleaching agents. 

Bromine Br2 ••Br —Br 

Dense red-brown liquid with pungent odor. Compounds 
of bromine, a halogen, are used in the preparation of 
photographic emulsions. 

Iodine ^2 

Dense gray-black solid that produces purple vapors; a 
halogen. A solution of iodine in alcohol (tincture of iodine) 
is used as an antiseptic. 

Hydrogen h2 H —H 
Colorless, odorless, tasteless gas. Hydrogen is the 
lightest known element. 

Nitrogen n2 :N=N: 
Colorless, odorless, tasteless gas. Air is almost 80% 
nitrogen by volume. 

Oxygen 02 Inadeguate 
Colorless, odorless, tasteless gas that is vital for life. Air is 
about 20% oxygen by volume. 

Figure 8.8 Carbon dioxide gas is 
soluble in water and is used to 
carbonate many beverages. A 

carbon dioxide molecule has two 

carbon-oxygen double bonds. 

Up to this point in your textbook, the examples of single and triple 

covalent bonds have involved diatomic molecules. Table 8.1 lists the prop¬ 

erties and uses of the elements that exist as diatomic molecules. Single, 

double, and triple covalent bonds can also exist between unlike atoms. For 

example, consider carbon dioxide (C02), which is present in the atmo¬ 

sphere and is used to carbonate many soft drinks as shown in Figure 8.8. 

The carbon dioxide molecule contains two oxygens, each of which shares two 

electrons with carbon to form a total of two carbon-oxygen double bonds. 

.p. + :c: 
Oxygen Carbon 
atom atom 

is 2sa 

C Ti T T 

O U U U i i 

1s 2s 2p 

+ 'o; -> :c 
Oxygen 
atom 

2 P 

T T 

i l U tl Tl o 

2p 2s 1s 

or .0=C=0: 

Carbon dioxide 
molecule 

Carbon dioxide molecule 

The two double bonds in the carbon dioxide molecule are identical to 

each other. Carbon dioxide is an example of a triatomic molecule, which is 

a molecule consisting of three atoms. 
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Coordinate Covalent Bonds 
Carbon monoxide (CO) is an example of a type of covalent bonding differ¬ 

ent from that seen in water, ammonia, methane, and carbon dioxide. A car¬ 

bon atom needs to gain four electrons to attain the electron configuration 

of neon. An oxygen atom needs two electrons. Yet it is possible for both 

atoms to achieve noble-gas electron configurations by a type of bonding 

called coordinate covalent bonding. To see how, begin by looking at the 

double covalent bond between carbon and oxygen. 

XX + T>: -> :C::0; 

Carbon Oxygen Carbon 
atom atom monoxide 

Is 

C Ti 

O U 

Is 

2s 

u 

u 

2s 

u 

2 P 

T 

1 

2 p 
Carbon monoxide molecule 

With the double bond in place, the oxygen has a stable configuration but 

the carbon does not. As shown below, the dilemma is solved if the oxygen 

also donates one of its unshared pairs of electrons for bonding. 

:C::0®-> 

Carbon monoxide 
molecule 

A coordinate covalent bond is a covalent bond in which one atom contrib¬ 

utes both bonding electrons. In a structural formula, you can show coordi¬ 

nate covalent bonds as arrows that point from the atom donating the pair 

of electrons to the atom receiving them. The structural formula of carbon 

monoxide, with two covalent bonds and one coordinate covalent bond, is 

C = O. In a coordinate covalent bond, the shared electron pair comes 

from one of the bonding atoms. Once formed, a coordinate covalent bond is 

like any other covalent bond. 

The ammonium ion (NH4+) consists of atoms joined by covalent 

bonds, including a coordinate covalent bond. A polyatomic ion, such as 

NH4+, is a tightly bound group of atoms that has a positive or negative 

charge and behaves as a unit. The ammonium ion forms when a pos¬ 

itively charged hydrogen ion (H+) attaches to the unshared 

electron pair of an ammonia molecule (NH3). Most plants 

need nitrogen that is already combined in a compound rather 

than molecular nitrogen (N2) to grow. The fertilizer shown in 

Figure 8.9 contains the nitrogen compound ammonium sulfate. 

Figure 8.9 The polyatomic 
ammonium ion (NH4+), present 
in ammonium sulfate, is an 

important component of 
fertilizer for field crops, home 

gardens, and potted plants. 

unshared electron pair 

• TvT • :N:H 
H 

Hydrogen 
ion 

(proton) 

Ammonia 
molecule 

(NH3) 

H 
H:N:H 

H 

H 

or H<^N—H 

Ammonium 
ion 

(NH+) 

Checkpoint) What is a polyatomic ion? 



Most polyatomic cations and anions contain both covalent and coordi¬ 

nate covalent bonds. Therefore, compounds containing polyatomic ions 

include both ionic and covalent bonding. 

As another example, draw the electron dot structure of the polyatomic 

ion S032-. Start by drawing the electron dot structures for the oxygen and 

sulfur atoms, and the two extra electrons indicated by the charge. Then join 

two of the oxygens to sulfur by single covalent bonds. 

:(') S: 0: + •• -* ()S (): 

' (): ' 

Then join the remaining oxygen by a coordinate covalent bond, with 

sulfur donating one of its unshared pairs to oxygen, and add the two extra 

electrons. Put brackets about the structure and indicate the 2— charge, 

giving the result shown. 

:0:S-0: , _. [rO&Of' 
'•()••" [ •()•• 

Each of the atoms of the completed structure has eight valence electrons, 

satisfying the octet rule. Without the two extra electrons, two of the oxygens 

would be electron-deficient. 

Table 8.2 lists electron dot structures of some common compounds 

with covalent bonds. 

Some Common Molecular Compounds 

Name 
Chemical 
formula Structure Properties and uses 

Hydrogen 
peroxide 

h2o2 

H 
\ 
:0—0: 

\ 
H 

Colorless, unstable liquid when pure. It is used as rocket 
fuel. A 3% solution is used as a bleach and antiseptic. 

Sulfur 
dioxide S02 

:'o=s'' 
\.. 

Q: 
Oxides of sulfur are produced in combustion of petroleum 
products and coal. They are major air pollutants in industrial 
areas. Oxides of sulfur can lead to respiratory problems. 

Sulfur 
trioxide 

so3 

6: 
/•' 

:o=s 
v. 

0: 

Nitric oxide NO :b=N- 
Oxides of nitrogen are major air pollutants produced by the 
combustion of fossil fuels in automobile engines. They irri¬ 
tate the eyes, throat, and lungs. 

Nitrogen 
dioxide no2 

:o=n 
\. 
•p: 

Nitrous 
oxide 

n2o :O^N=N: 
Colorless, sweet-smelling gas. It is used as an anesthetic 
commonly called laughing gas. 

Hydrogen 
cyanide 

HCN H — C = N: Colorless, toxic gas with the smell of almonds. 

Hydrogen 
fluoride H—F: Two hydrogen halides, all extremely soluble in water. Hydro¬ 

gen chloride, a colorless gas with pungent odor, readily dis¬ 
solves in water to give a solution called hydrochloric acid. Hydrogen 

chloride MU 
-—_1_ 

H — Cl: 
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Remember, the electron dot structure for a neutral molecule contains 

the same number of electrons as the total number of valence electrons in 

the combining atoms. The negative charge of a polyatomic ion shows the 

number of electrons in addition to the valence electrons of the atoms 

present. Because a negatively charged polyatomic ion is part of an ionic 

compound, the positive charge of the cation of the compound balances 

these additional electrons. 

Drawing the Electron Dot Structure of a Polyatomic Ion 
The polyatomic hydronium ion (H30+), which is found in acidic 

mixtures such as lemon juice, contains a coordinate covalent bond. 

The H30+ ion forms when a hydrogen ion is attracted to an unshared 

electron pair in a water molecule. Draw the electron dot structure of 

the hydronium ion. 

Analyze Identify the relevant concepts. 

H30+ forms by the addition of a hydrogen ion 

to a water molecule. Draw the electron dot 

structure of the water molecule. Then, add the 

hydrogen ion. Oxygen must share a pair of 

electrons with the added hydrogen ion to form 

a coordinate covalent bond. 

Solve Apply the concepts to this situation. 

H r h + n 
| 

+ :0:H — —» H:0:Hj or H<-0 — H 

Hydrogen Water Hydronium 
ion molecule ion 

(proton) (H20) (H30+) 

The oxygen in the hydronium ion has eight 

valence electrons, and each hydrogen shares 

two valence electrons. This satisfies the needs 

of both hydrogen and oxygen for valence elec¬ 

trons. The water molecule is electrically neu¬ 

tral, and the hydrogen ion has a positive 

charge. The combination of these two species 

must have a charge of 1 + , as is found in the 

hydronium ion. 

Practice Problems 

9. Draw the electron dot structure of the hydroxide 

ion (OH ). 

10. Draw the electron dot structure of the poly¬ 

atomic boron tetrafluoride anion (BF4“). 

11. Draw the electron dot structures for sulfate 

(S042-) and carbonate (C03z_). Sulfur and 

carbon are the central atoms, respectively. 

12. Draw the electron dot structure for the hydro¬ 

gen carbonate ion (HC03_). Carbon is the cen¬ 

tral atom, and hydrogen is attached to oxygen in 

this polyatomic anion. 

Textbook 
Problem-Solving 8.10 Solve 
Problem 10 with the help of an 
interactive guided tutorial. 

—-   with ChemASAP 
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Strengths of Covalent Bonds 

Purpose 
To compare and contrast 

the stretching of rubber 

bands and the dissociation 

energy of covalent bonds. 

Materials 
• 1 170-g (6-oz) can of 

food 

• 2 454-g (16-oz) cans of 

food 

• 3 No. 25 rubber bands 

• metric ruler 

• coat hanger 

• plastic grocery bag 

• paperclip 

• graph paper 

• pencil 

Procedure 1^3 
Sensor version available in the Probeware 

Lab Manual. 

1. Bend the coat hanger to fit over the top 

of a door.The hook should hang down 

on one side of the door. Measure the 

length of the rubber bands (in cm). 

Hang a rubber band on the hook 

created by the coat hanger. 

2. Place the 170-g can in the plastic bag. 

Use the paper clip to fasten the bag to 

the end of the rubber band. Lower the 

bag gently until it is suspended from 

the end of the rubber band. Measure 

and record the length of the stretched 

rubber band. Using different combina¬ 

tions of food cans, repeat this process 

three times with the following masses: 

454 g, 624 g, and 908 g. 

you estimate best fits the points for 

each set of data. (Your graph should 

have three separate lines.) The x-axis 

and y-axis intercepts of the lines should 

passthrough zero,and the lines should 

extend past 1 kg on the x-axis. Deter¬ 

mine the slope of each line in cm/kg. 

• motion detector (optional) 3. Repeat Step 2, first using two rubber 

bands to connect the hanger and the 

paper clip, and then using three. 

4. Graph the length difference: (stretched 

rubber band) - (unstretched rubber 

band) on they-axis versus mass (kg) on 

the x-axis for one, two, and three rub¬ 

ber bands. Draw the straight line that 

Analyze and Conclude 
1. Assuming the rubber bands are mod¬ 

els for covalent bonds, what can you 

conclude about the relative strengths 

of single, double, and triple bonds? 

2. How does the behavior of the rubber 

bands differ from that of covalent 

bonds? 

Bond Dissociation Energies 
A large quantity of heat is released when hydrogen atoms combine to form 

hydrogen molecules. This suggests that the product is more stable than the 

reactants. The covalent bond in the hydrogen molecule (H2) is so strong 

that it would take 435 kj of energy to break apart all of the bonds in 1 mole 

(about 2 grams) of H2. (You will study the mole, abbreviated mol, in Chap¬ 

ter 12.) The energy required to break the bond between two covalently 

bonded atoms is known as the bond dissociation energy. This is usually 

expressed as the energy needed to break one mole of bonds, or 6.02 x 1023 

bonds. The bond dissociation energy for the H2 molecule is 435 kj/mol. 

O A large bond dissociation energy corresponds to a strong covalent 

bond. A typical carbon-carbon single bond has a bond dissociation energy 

of 347 kj/mol. Typical carbon-carbon double and triple bonds have bond 

dissociation energies of 657 kj/mol and 908 kj/mol, respectively. Strong 

carbon-carbon bonds help explain the stability of carbon compounds. 

Compounds with only C — C and C — H single covalent bonds, such as 

methane, tend to be quite unreactive. They are unreactive partly because 

the dissociation energy for each of these bonds is high. 
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Resonance 
Ozone in the upper atmosphere blocks harmful ultraviolet radiation from 

the sun. At the lower elevations shown in Figure 8.10, it contributes to smog. 

The ozone molecule has two possible electron dot structures. 

:6:6::Q; 4-> :p::C>:p: 

Notice that the structure on the left can be converted to the one on the 

right by shifting electron pairs without changing the positions of the oxy¬ 

gen atoms. 

As drawn, these electron dot structures suggest that the bonding in 

ozone consists of one single coordinate covalent bond and one double 

covalent bond. Because earlier chemists imagined that the electron pairs 

rapidly flip back and forth, or resonate, between the different electron dot 

structures, they used double-headed arrows to indicate that two or more 

structures are in resonance. 

Double covalent bonds are usually shorter than single bonds, so it was 

believed that the bond lengths in ozone were unequal. Experimental mea¬ 

surements show, however, that this is not the case. The two bonds in ozone 

are the same length. This result can be explained if you assume that the 

actual bonding in the ozone molecule is the average of the two electron dot 

structures. The electron pairs do not actually resonate back and forth. 

The actual bonding of oxygen atoms in ozone is a hybrid, or mixture, of 

the extremes represented by the resonance forms. 

The two electron dot structures for ozone are examples of what are still 

referred to as resonance structures. A resonance structure is a structure that 

occurs when it is possible to draw two or more valid electron dot structures 

that have the same number of electron pairs for a molecule or ion. Reso¬ 

nance structures are simply a way to envision the bonding in certain mol¬ 

ecules. Although no back-and-forth changes occur, double-headed arrows 

are used to connect resonance structures. 

(^Checkpoint) What notation is used to show that the two covalent bonds in 

03 are the same? 

Figure 8.10 Although ozone high above the 

ground forms a protective layer that absorbs 
ultraviolet radiation from the sun, at lower 
elevations ozone is a pollutant that contributes 

to smog. 
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Exceptions to the Octet Rule 
The octet rule provides guidance for drawing electron dot structures. For 

some molecules or ions, however, it is impossible to draw structures that 
satisfy the octet rule. <T^ The octet rule cannot be satisfied in molecules 

whose total number of valence electrons is an odd number. There are also 
molecules in which an atom has fewer, or more, than a complete octet of 

valence electrons. The nitrogen dioxide (N02) molecule, for example, con¬ 

tains a total of seventeen, an odd number, of valence electrons. Each oxy¬ 

gen contributes six electrons and the nitrogen contributes five. Two 

plausible electron dot structures can be drawn for the N02 molecule. 

:0=N—Q: 

:0—N=0: 

Is 2s 2 P 

0 u u u T T 

N u u 1 i i 

0 u u T T U 

Is 2s 2 P Nitrogen dioxide molecule 

Figure 8.11 Lightning is one 
means by which nitrogen and 
oxygen in the atmosphere 
produce nitrogen dioxide. 

An unpaired electron is present in each of these structures, both of which 

fail to follow the octet rule. It is impossible to draw an electron dot struc¬ 

ture for N02 that satisfies the octet rule for all atoms. Yet, N02 does exist as 

a stable molecule. In fact, it is produced naturally by lightning strikes of the 

sort shown in Figure 8.11. 

A number of other molecules also have an odd number of electrons. In 

these molecules, as in N02, complete pairing of electrons is not possible. It 

is not possible to draw an electron dot structure that satisfies the octet rule. 

Examples of such molecules include chlorine dioxide (CIO,) and nitric 
oxide (NO). 

Several molecules with an even number of valence electrons, such as 

some compounds of boron, also fail to follow the octet rule. This may hap¬ 

pen because an atom acquires less than an octet of eight electrons. The 

boron atom in boron trifluoride (BF3), for example, is deficient by two elec¬ 

trons, and therefore is an exception to the octet rule. Boron trifluoride 

readily reacts with ammonia to make the compound BF3-NH3. In doing so, 

the boron atom accepts the unshared electron pair from ammonia and 

completes the octet. 

• F: H 
.. I I 

;F — B + -'N — H 
" I I 

;F; H 

;F; H 

•F —B<-N—H 

h 

) Checkpoint) Give two examples of exceptions to the octet rule. 
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Figure 8.12 Phosphorus pentachloride, used as a 
chlorinating and dehydrating agent, and sulfur 

hexafluoride, used as an insulator for electrical equipment, 

are exceptions to the octet rule. Interpreting Diagrams 
How many valence electrons does the sulfur in sulfur 

hexafluoride (SF6)have for the structure shown in the 
figure? 

Phosphorus pentachloride Sulfur hexafluoride 

A few atoms, especially phosphorus and sulfur, sometimes expand the 

octet to include ten or twelve electrons. Consider phosphorus trichloride 

(PC13) and phosphorus pentachloride (PC15). Both are stable compounds 

in which all of the chlorines are bonded to a single phosphorus atom. 

Covalent bonding in PC13 follows the octet rule because all the atoms have 

eight valence electrons. However, as shown in Figure 8.12, the electron 

dot structure for PC15 can be written so that phosphorus has ten valence 

electrons. 

8.2 Section Assessment 

13. Key Concept What electron configurations 

do atoms usually achieve by sharing electrons to 

form covalent bonds? 

14. (^ Key Concept How is an electron dot structure 

used to represent a covalent bond? 

15. Key Concept When are two atoms likely to 

form a double bond between them? A triple bond? 

16. Key Concept How is a coordinate covalent 

bond different from other covalent bonds? 

17. Key Concept How is the strength of a covalent 

bond related to its bond dissociation energy? 

18. Key Concept Draw the electron dot resonance 

structures for ozone and explain how they describe 

its bonding. 

19. Key Concept List three ways in which the 

octet rule can sometimes fail to be obeyed. 

20. What kinds of information does a structural for¬ 

mula reveal about the compound it represents? 

21. Draw electron dot structures for the following 

molecules, which have only single covalent bonds, 

a. H2S b. PH3 c. C1F 

22. Use the bond dissociation energies of H2 

(435 kj/mol) and of a typical carbon-carbon 

bond (347 kj/mol) to decide which bond is 

stronger. Explain your reasoning. 

WEBSSSS^ Handbook 

Ozone Read the feature on ozone on page R31 of 
the Elements Handbook. Describe the effect of CFCs 
on the ozone layer. Explain why the United States 

has banned the use of CFCs in aerosols. 

Textbook 

Assessment 8.2 Test yourself 
on the important concepts 
of Section 8.2. 

with ChemASAP 
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Bonding Theories 

Guide for Reading 

Key Concepts 
• How are atomic and molecular 

orbitals related? 

• How does VSEPR theory help 

predict the shapes of 

molecules? 

• In what ways is orbital 

hybridization useful in 

describing molecules? 

Vocabulary 
molecular orbitals 

bonding orbital 

sigma bond 

pi bond 

tetrahedral angle 

VSEPR theory 

hybridization 

Reading Strategy 

Summarizing When you summa¬ 

rize, you review and state, in the 

correct order, the main points you 

have read. As you read about 

bonding theories, write a brief 

summary of the text following 

each heading. Your summary 

should include only the most 

important information. 

Connecting to Your World This car is being painted by a 

process called electrostatic spray painting. A custom-designed spray 

nozzle wired up to an electric power supply 

imparts a negative charge to the paint drop¬ 

lets as they exit the spray gun.The nega¬ 

tively charged droplets are attracted to 

the auto body. Painting with attractive 

forces is very efficient, because almost all 

the paint is applied to the car body and 

very little is wasted. In this section,you will 

learn how attractive and repulsive forces 

influence the shapes of molecules. 

Molecular Orbitals 
The model for covalent bonding you have been using assumes that the 

orbitals are those of the individual atoms. There is a quantum mechanical 

model of bonding, however, that describes the electrons in molecules using 

orbitals that exist only for groupings of atoms. When two atoms combine, 

this model assumes that their atomic orbitals overlap to produce molecular 

orbitals, or orbitals that apply to the entire molecule. 

In some ways, atomic orbitals and molecular orbitals are similar. 

Just as an atomic orbital belongs to a particular atom, a molecular orbital 

belongs to a molecule as a whole. Each atomic orbital is filled if it contains 

two electrons. Similarly, two electrons are required to fill a molecular 

orbital. A molecular orbital that can be occupied by two electrons of a cova¬ 

lent bond is called a bonding orbital. 

Sigma Bonds When two atomic orbitals combine to form a molecular 

orbital that is symmetrical around the axis connecting two atomic nuclei, a 

sigma bond is formed, as illustrated in Figure 8.13. The symbol for this 

bond is the Greek letter sigma (<7). 

Figure 8.13 Twos atomic 
orbitals can combine to form a 
molecular orbital, as in the case 
of hydrogen (H2). In a bonding 

molecular orbital, the electron 
density between the nuclei is 
high. 

@ represents the nucleus. 

s atomic s atomic 
orbital orbital 

Bond 
axis 

Sigma-bonding 
molecular orbital 
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© represents the nucleus. 

p atomic orbital p atomic orbital 

In general, covalent bonding results from an imbalance between the 

attractions and repulsions of the nuclei and electrons involved. Because 

their charges have opposite signs, the nuclei and electrons attract each 

other. Because their charges have the same sign, nuclei repel other nuclei 

and electrons repel other electrons. In a hydrogen molecule, the nuclei 

repel each other, as do the electrons. In a bonding molecular orbital of 

hydrogen, however, the attractions between the hydrogen nuclei and the 

electrons are stronger than the repulsions. The balance of all the interac¬ 

tions between the hydrogen atoms is thus tipped in favor of holding the 

atoms together. The result is a stable diatomic molecule of H2. 

Atomic p orbitals can also overlap to form molecular orbitals. A fluo¬ 

rine atom, for example, has a half-filled 2p orbital. When two fluorine 

atoms combine, as shown in Figure 8.14, the p orbitals overlap to produce 

a bonding molecular orbital. There is a high probability of finding a pair of 

electrons between the positively charged nuclei of the two fluorines. The 

fluorine nuclei are attracted to this region of high electron density. This 

attraction holds the atoms together in the fluorine molecule (F2). The over¬ 

lap of the 2p orbitals produces a bonding molecular orbital that is symmet¬ 

rical when viewed around the F—F bond axis connecting the nuclei. 

Therefore, the F—F bond is a sigma bond. 

Pi Bonds In the sigma bond of the fluorine molecule, the p atomic orbi¬ 

tals overlap end-to-end. In some molecules, however, orbitals can overlap 

side-by-side. As shown in Figure 8.15, the side-by-side overlap of atomic 

p orbitals produces what are called pi molecular orbitals. When a pi molec¬ 

ular orbital is filled with two electrons, a pi bond results. In a pi bond (sym¬ 

bolized by the Greek letter n), the bonding electrons are most likely to be 

found in sausage-shaped regions above and below the bond axis of the 

bonded atoms. It is not symmetrical around the F—F bond axis. Atomic 

orbitals in pi bonding overlap less than in sigma bonding. Therefore, 

pi bonds tend to be weaker than sigma bonds. 

© represents the nucleus. 

p atomic orbital p atomic orbital Pi-bonding 
molecular orbital 

Sigma-bonding 
molecular orbital 

Figure 8.14 Two p atomic 

orbitals can combine to form 
a sigma-bonding molecular 

orbital, as in the case of fluorine 

(F2). Notice that the sigma bond 
is symmetrical around the bond 

axis connecting the nuclei. 

Figure 8.15 The side-by-side 
overlap of two p atomic orbitals 
producesa pi-bonding molecular 

orbital. Together, the two 
sausage-shaped regions in which 
the bonding electron pair is most 

likely to be found constitute one 
pi-bonding molecular orbital. 
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Word Origins 
Tetrahedral comes from 

the Greek tetra-, meaning 

"four," and hedra, meaning 

"face." The Greek pod 

means "foot." Whatdoyou 

think tetrapod means? 

Figure 8.16 Methane and 

ammonia, represented here, are 
three-dimensional molecules. 

O Methane is a tetrahedral 
molecule. The hydrogens in 

methane are at the four corners 
of a regular tetrahedron, and the 

bond angles are all 109.5°. © An 
ammonia molecule is pyramidal. 
The unshared pair of electrons 
repels the bonding pairs. 

Interpreting Diagrams How 
do the resulting H—W—H bond 
angles compare to the tetrahe¬ 
dral angle? 

VSEPR Theory 
A photograph or sketch may fail to do justice to your appearance. Similarly, 

electron dot structures fail to reflect the three-dimensional shapes of the 

molecules illustrated in Figure 8.16. The electron dot structure and struc¬ 

tural formula of methane (CH4), for example, show the molecule as if it 

were flat and merely two-dimensional. 

H 
H | 

H:C:H H—C—H 
H I 

H 

Methane Methane 
(electron dot structure) (structural formula) 

In reality, methane molecules are three-dimensional. As Figure 8.16a 

shows, the hydrogens in a methane molecule are at the four corners of a 

geometric solid called a regular tetrahedron. In this arrangement, all of the 

H—C—H angles are 109.5°, the tetrahedral angle. 

The valence-shell electron-pair repulsion theory, or VSEPR theory, 

explains the three-dimensional shape of methane. (^ According to VSEPR 

theory, the repulsion between electron pairs causes molecular shapes to 

adjust so that the valence-electron pairs stay as far apart as possible. The 

methane molecule has four bonding electron pairs and no unshared pairs. 

The bonding pairs are farthest apart when the angle between the central 

carbon and its attached hydrogens is 109.5°. This is the FI—C—H bond 

angle found experimentally. 

Unshared pairs of electrons are also important in predicting the shapes 

of molecules. The nitrogen in ammonia (NH3) is surrounded by four pairs 

of valence electrons, so you might predict the tetrahedral angle of 109.5° 

for the H—N—H bond angle. However, one of the valence-electron pairs 

shown in Figure 8.16b is an unshared pair. No bonding atom is vying for 

these unshared electrons. Thus they are held closer to the nitrogen than are 

the bonding pairs. The unshared pair strongly repels the bonding pairs, 

pushing them together. The measured H—N—H bond angle is only 107°. 

0 Methane (CH4) 

H A 

• • 

H *. 2 • H 
•• n 

U09. 

H 

H H 

0 Ammonia (NH3) Unshared 
electron 
pair 

f\ • • 

H \ N* • H u_ — 
1\ 
\1 

•• 
H 1 H 

H 1 
x107° 
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Q Water (H20) 

I. A 

H 

Unshared 
electron ^ 
pairs 

• • 

105 

© Carbon dioxide (C02) 

-Qf. 

180 

A 
No unshared 
electron pairs 

on carbon 

Figure 8.17 This comparison 

of water and carbon dioxide 

illustrates how unshared pairs of 

electrons can affect the shape of 
a molecule made of three atoms. 

O The water molecule is bent 

because the two unshared pairs 
of electrons on oxygen repel the 

bonding electrons. © In contrast, 

the carbon dioxide molecule is 
linear. The carbon atom has no 

unshared electron pairs. 

In a water molecule, oxygen forms single covalent bonds with two 

hydrogen atoms. The two bonding pairs and the two unshared pairs of 

electrons form a tetrahedral arrangement around the central oxygen. Thus 

the water molecule is planar (flat) but bent. With two unshared pairs repel¬ 

ling the bonding pairs, the H—O—H bond angle is compressed in compar¬ 

ison with the H—C—H bond angle in methane. The experimentally 

measured bond angle in water is about 105°, as shown in Figure 8.17a. 

In contrast, the carbon in a carbon dioxide molecule has no unshared 

electron pairs. The double bonds joining the oxygens to the carbon are 

farthest apart when the 0=C=0 bond angle is 180° as illustrated in 

Figure 8.17b. Thus C02 is a linear molecule. Nine of the possible molecular 

shapes are shown in Figure 8.18. 

C Go inline 
- 

For: Links on VSEPR 
Theory 

Visit: www.SciLinks.org 
Web Code: cdn-1083 

Linear triatomic 

Pyramidal 

J 
Octahedral 

Trigonal planar Bent triatomic 

Tetrahedral Trigonal bipyramidal 

Square planar T-shaped Figure 8.18 Shown here are 
common molecular shapes. 
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Hybrid Orbitals 
The VSEPR theory works well when accounting for molecular shapes, but it 

does not help much in describing the types of bonds formed. Orbital 

hybridization provides information about both molecular bonding and 

molecular shape. In hybridization, several atomic orbitals mix to form the 

same total number of equivalent hybrid orbitals. 

Hybridization Involving Single Bonds Recall that the carbon atom’s 

outer electron configuration is 2s2 2p2, but one of the 2s electrons is pro¬ 

moted to a 2p orbital to give one 25 electron and three 2p electrons, allow¬ 

ing it to bond to four hydrogen atoms in methane. You might suspect that 

one bond would be different from the other three. In fact, all the bonds are 

identical. This is explained by orbital hybridization. 

The one 2s orbital and three 2p orbitals of a carbon atom mix to form 

four sp3 hybrid orbitals. These are at the tetrahedral angle of 109.5°. As you 

can see in Figure 8.19, the four sp3 orbitals of carbon overlap with the 15 

orbitals of the four hydrogen atoms. The sp3 orbitals extend farther into 

space than either 5 or p orbitals, allowing a great deal of overlap with the 

hydrogen 15 orbitals. The eight available valence electrons fill the molecu¬ 

lar orbitals to form four C—H sigma bonds. The extent of overlap results in 

unusually strong covalent bonds. 

Figure 8.19 In methane, each of 
the four sp3 hybrid orbitals of 

carbon overlaps with a Is orbital 
of hydrogen. 

0 3 
Is JK Is 

d V S 9 
Is 109.5° Is 

Atomic orbitals Hybrid orbitals Atomic orbitals 
of two hydrogen of a carbon of two hydrogen 

atoms 

t_ 

atom atoms 

Sigma bond 

Sigma bond 

Sigma bond 

H Sigma bond 

Methane molecule 

Checkpoint) Why are the bonds formed by the 2s and the 2 p electrons of 

carbon the same in methane? 
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9 
Is 

9 
Is 

Atomic orbitals 
of two 

hydrogen 
atoms 

Atomic orbital 
and hybrid 

orbitals of a 
carbon atom 

Atomic orbital 
and hybrid 

orbitals of a 
carbon atom 

3 
Is 

9 
Is 

Atomic orbitals 
of two 

hydrogen 
atoms 

Pi bond 

Sigma bonds 

Ethene molecule 

Figure 8.20 In an ethene 

molecule, two sp2 hybrid orbitals 
from each carbon overlap with a 

Is orbital of hydrogen to form 

a sigma bond. The other sp2 
orbitals overlap to form a 

carbon-carbon sigma bond. 
The p atomic orbitals overlap to 

form a pi bond. Inferring What 

region of space does the pi bond 
occupy relative to the carbon 
atoms? 

Hybridization Involving Double Bonds Hybridization is also useful 

in describing double covalent bonds. Ethene is a relatively simple mole¬ 

cule that has one carbon-carbon double bond and four carbon-hydrogen 

single bonds. 

H\ H 

/C = C\ 
H H 

Ethene 

Experimental evidence indicates that the H—C—H bond angles in ethene 

are about 120°. In ethene, sp2 hybrid orbitals form from the combination of 

one 2s and two 2p atomic orbitals of carbon. As you can see in Figure 8.20, 

each hybrid orbital is separated from the other two by 120°. Two sp2 hybrid 

orbitals of each carbon form sigma-bonding molecular orbitals with the 

four available hydrogen Is orbitals. The third sp2 orbitals of each of the two 

carbons overlap to form a carbon-carbon sigma-bonding orbital. The non- 

hybridized 2p carbon orbitals overlap side-by-side to form a pi-bonding 

orbital. A total of twelve electrons fill six bonding molecular orbitals. Thus 

five sigma bonds and one pi bond hold the ethene molecule together. The 

sigma bonds and the pi bond are two-electron covalent bonds. Although 

they are drawn alike in structural formulas, pi bonds are weaker than sigma 

bonds. In chemical reactions that involve breaking one bond of a carbon- 

carbon double bond, the pi bond is more likely to break than the sigma bond. 

Hybridization Involving Triple Bonds A third type of covalent bond 

is a triple bond, which is found in ethyne (C2H2), also called acetylene. 

H—C=C—H 

As with other molecules, the hybrid orbital description of ethyne is guided 

by an understanding of the properties of the molecule. Ethyne is a linear 

molecule. The best hybrid orbital description is obtained if a 2s atomic 

orbital of carbon mixes with only one of the three 2p atomic orbitals. The 

result is two sp hybrid orbitals for each carbon. 
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Figure 8.21 In an ethyne 
molecule, one sp hybrid orbital 
from each carbon overlaps with a 

Is orbital of hydrogen to form a 
sigma bond. The other sp hybrid 
orbital of each carbon overlaps to 

form a carbon-carbon sigma 
bond. The two p atomic orbitals 
from each carbon also overlap. 

Interpreting Diagrams How 
many pi bonds are formed in an 
ethyne molecule? 

9 
Is 

Atomic orbital 
of a hydrogen 

atom 

Atomic orbitals 
and hybrid 
orbitals of a 
carbon atom 

Atomic orbitals 
and hybrid 
orbitals of a 
carbon atom 

9 
Is 

Atomic orbital 
of a hydrogen 

atom 

9 

Textbook 

Simulation 7 Compare 
sp,sp2, and sp3 hybrid orbitals. 

-with ChemASAP 

The carbon-carbon sigma-bonding molecular orbital of the ethyne mol¬ 

ecule in Figure 8.21 forms from the overlap of one sp orbital from each car¬ 

bon. The other sp orbital of each carbon overlaps with the Is orbital of each 

hydrogen, also forming sigma-bonding molecular orbitals. The remaining 

pair of p atomic orbitals on each carbon overlap side-by-side. They form two 

pi-bonding molecular orbitals that surround the central carbons. The ten 

available electrons completely fill five bonding molecular orbitals. The 

bonding of ethyne consists of three sigma bonds and two pi bonds. 

8.3 Section Assessment 

23. <T^ Key Concept How are atomic and molecular 

orbitals related? 

24. Kev Concept Explain how the VSEPR theory 

can be used to predict the shapes of molecules. 

25. <T^ Key Concept How is orbital hybrization use¬ 

ful in describing molecules? 

26. What shape would you expect a simple carbon- 

containing compound to have if the carbon atom 

has the following hybridizations? 

a. sp2 b. sp3 c. sp 

27. What is a sigma bond? Describe, with the aid of a 

diagram, how the overlap of two half-filled Is 

orbitals produces a sigma bond? 

28. How many sigma and how many pi bonds are in 

an ethyne molecule (C2H2)? 

29. The BF3 molecule is planar. The attachment of 

a fluoride ion to the boron in BF3, through a 

coordinate covalent bond, creates the BF4- ion. 

What is the geometric shape of this ion? 

Writing Activity 

Molecular Bonding in Oxygen Research how 

chemists know that an oxygen molecule has unpaired 

electrons. Write a brief report on what you find. 

9 

^ Textbook 

Assessment 8.3 Test yourself 
on the important concepts of 
Section 8.3. 

_with ChemASAP 
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8.4 Polar Bonds and Molecules 

Connecting to Your World c * . „ 
^ Snow covers approximately 23 

percent of Earth's surface. Each individual snowflake is formed from as 

many as 100 snow crystals.The size and shape of each crystal depends 

mainly on the air temperature and amount of 

water vapor in the air at the time the snow 

crystal forms. In this section, you will see 

that the polar bonds in water molecules 

influence the distinctive geometry of 

snowflakes. 

Guide for Reading 

Key Concepts 
• How do electronegativity 

values determine the charge 

distribution in a polar bond? 

• What happens to polar 

molecules between a pair 

of oppositely charged metal 

plates? 

• How do intermolecular 

attractions compare with ionic 

and covalent bonds? 

• Why do network solids have 

high melting points? 

Vocabulary 

Bond Polarity 
Covalent bonds involve electron sharing between atoms. However, cova¬ 

lent bonds differ in terms of how the bonded atoms share the electrons. 

The character of the bonds in a given molecule depends on the kind and 

number of atoms joined together. These features, in turn, determine the 

molecular properties. 

The bonding pairs of electrons in covalent bonds are pulled, as in the 

tug-of-war in Figure 8.22, between the nuclei of the atoms sharing the elec¬ 

trons. When the atoms in the bond pull equally (as occurs when identical 

atoms are bonded), the bonding electrons are shared equally, and the bond 

is a nonpolar covalent bond. Molecules of hydrogen (H2), oxygen (02), and 

nitrogen (N2) have nonpolar covalent bonds. Diatomic halogen molecules, 

such as Cl2, are also nonpolar. 

Shared pair of electrons 

nonpolar covalent bond 

polar covalent bond 

polar bond 

polar molecule 

dipole 

van der Waals forces 

dipole interactions 

dispersion forces 

hydrogen bonds 

network solids 

Reading Strategy 
Relating Text and Visuals Asyou 

read, look closely at Figures 8.22 

and 8.23. Explain how these illus¬ 

trations help you understand how 

molecules attract each other. 

+ Nucleus Nucleus 

Figure 8.22 The nuclei 

of atoms pull on the 
shared electrons, much 

as the knot in the rope is 
pulled toward opposing 
sides in a tug-of-war. 



H 

Figure 8.23 This electron-cloud 
picture of hydrogen chloride 

shows that the chlorine atom 
attracts the electron cloud more 
than the hydrogen atom does. 

Inferring Which atom is more 
electronegative, a chlorine 

atom or a hydrogen atom? 

A polar covalent bond, known also as a polar bond, is a covalent bond 

between atoms in which the electrons are shared unequally. The more 

electronegative atom attracts electrons more strongly and gains a slightly 

negative charge. The less electronegative atom has a slightly positive charge. 

Refer back to Table 6.2 in Chapter 6 to see the electronegativities of some 

common elements. The higher the electronegativity value, the greater the 

ability of an atom to attract electrons to itself. 

Consider the hydrogen chloride molecule (HC1) shown in Figure 8.23. 

Hydrogen has an electronegativity of 2.1, and chlorine has an electronega¬ 

tivity of 3.0. These values are significantly different, so the covalent bond in 

hydrogen chloride is polar. The chlorine atom acquires a slightly negative 

charge. The hydrogen atom acquires a slightly positive charge. The lower¬ 

case Greek letter delta (5) denotes that atoms involved in the covalent bond 

acquire only partial charges, less than 1+ or 1—. 

+ 8- 

IT — Cl 

The minus sign in this notation shows that chlorine has acquired a slightly 

negative charge. The plus sign shows that hydrogen has acquired a slightly 

positive charge. These partial charges are shown as clouds of electron den¬ 

sity. The polar nature of the bond may also be represented by an arrow 

pointing to the more electronegative atom, as shown here. 

H —Cl 

The O—H bonds in the water molecule are also polar. The highly elec¬ 

tronegative oxygen partially pulls the bonding electrons away from hydro¬ 

gen. The oxygen acquires a slightly negative charge. The hydrogen is left 

with a slightly positive charge. 

s-s- 

/°\ 
s+H 11 

or 

As shown in Table 8.3, the electronegativity difference between two 

atoms tells you what kind of bond is likely to form. Remember when you 

use the table that there is no sharp boundary between ionic and covalent 

bonds. As the electronegativity difference between two atoms increases, 

the polarity of the bond increases. If the electronegativity difference is 

greater than 2.0, it is very likely that electrons will be pulled away com¬ 

pletely by one of the atoms. In that case, an ionic bond will form. 

Electronegativity Differences and Bond Types 

Electronegativity 

difference range Most probable type of bond Example 

0.0-0.4 Nonpolar covalent H—H (0.0) 

0.4-1.0 Moderately polar covalent H —Cl (0.9) 

1.0-2.0 Very polar covalent 
S+ <5- 

H — F (1.9) 

>2.0 Ionic Na+CI“ (2.1) 
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Identifying Bond Type 

Which type of bond (nonpolar covalent, moderately-polar covalent, 

or ionic) will form between each of the following pairs of atoms? 

a. N and H b. F and F 

Analyze Identify the relevant concepts. 

In each case, the pairs of atoms involved in the 

bonding pair are given. The types of bonds 

depend on the electronegativity differences 

between the bonding elements. Use Table 6.2 

to find the electronegativity difference, then 

use Table 8.3 to determine the bond type. 

Solve Apply concepts to this situation. 

From Tables 6.2 and 8.3, the electronegativities, 

their differences, and the corresponding bond 

types are as follows. 

a. N (3.0), FI (2.1); 0.9 moderately polar covalent 

b. F (4.0), F (4.0); 0.0; nonpolar covalent 

c. Ca (1.0), Cl (3.0); 2.0; ionic 

d. A1 (1.5), Cl (3.0); 1.5; very polar covalent 

Practice Problems 

30. Identify the bonds between atoms of each pair 

of elements as nonpolar covalent, moderately 

polar covalent, very covalent, or ionic, 

a. H and Br b. K and Cl c. C and O 

d. Cl and F e. Li and O f. Br and Br 

31. Place the following covalent bonds in order from 

least to most polar, 

a. H —Cl b. H —Br 

c. H —S d. H —C 

Polar Molecules 
The presence of a polar bond in a molecule often makes the entire mole¬ 

cule polar. In a polar molecule, one end of the molecule is slightly negative 

and the other end is slightly positive. In the hydrogen chloride molecule, 

for example, the partial charges on the hydrogen and chlorine atoms are 

electrically charged regions or poles. A molecule that has two poles is called 

a dipolar molecule, or dipole. The hydrogen chloride molecule is a dipole. 

Look at Figure 8.24. When polar molecules are placed between oppo¬ 

sitely charged plates, they tend to become oriented with respect to the positive 

and negative plates. 

Electric field absent. 
Polar molecules orient randomly. 

Negative plate Positive plate 

Electric field on. 
Polar molecules line up. 

e 

Animation 10 Learn to 
distinguish between polar 
and nonpolar molecules. 

-with ChemASAP 

Textbook 

Figure 8.24 When polar 
molecules, such as HCI, are 

placed in an electric field, the 
slightly negative ends of the 
molecules become oriented 

toward the positively charged 
plate and the slightly positive 
ends of the molecules become 

oriented toward the negatively 
charged plate. Predicting 
What would happen if, instead, 
carbon dioxide molecules were 

placed between the plates? 
Why? 
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Figure 8.25 Polar molecules are 
attracted to one another by 

dipole interactions, a type of van 
der Waals force. 

The effect of polar bonds on the polarity of an entire molecule depends 

on the shape of the molecule and the orientation of the polar bonds. A car¬ 

bon dioxide molecule, for example, has two polar bonds and is linear. 

0 = C = 0 

Note that the carbon and oxygens lie along the same axis. Therefore, the 

bond polarities cancel because they are in opposite directions. Carbon diox¬ 

ide is thus a nonpolar molecule, despite the presence of two polar bonds. 

The water molecule also has two polar bonds. However, the water mol¬ 

ecule is bent rather than linear. Therefore, the bond polarities do not can¬ 

cel and a water molecule is polar. 

Attractions Between Molecules 
Molecules can attract each other by a variety of forces. Intermolecular 

attractions are weaker than either ionic or covalent bonds. Nevertheless, you 

should not underestimate the importance of these forces. Among other 

things, these attractions are responsible for determining whether a molec¬ 

ular compound is a gas, a liquid, or a solid at a given temperature. 

Van der Waals Forces The two weakest attractions between molecules 

are collectively called van der Waals forces, named after the Dutch chemist 

Johannes van der Waals (1837-1923). Van der Waals forces consist of dipole 

interactions and dispersion forces. 

Dipole interactions occur when polar molecules are attracted to one 

another. The electrical attraction involved occurs between the oppositely 

charged regions of polar molecules, as shown in Figure 8.25. The slightly 

negative region of a polar molecule is weakly attracted to the slightly posi¬ 

tive region of another polar molecule. Dipole interactions are similar to but 

much weaker than ionic bonds. 

Dispersion forces, the weakest of all molecular interactions, are caused 

by the motion of electrons. They occur even between non-polar molecules. 

When the moving electrons happen to be momentarily more on the side of 

a molecule closest to a neighboring molecule, their electric force influences 

the neighboring molecule’s electrons to be momentarily more on the 

opposite side. This causes an attraction between the two molecules similar 

to, but much weaker than, the force between permanently polar molecules. 

The strength of dispersion forces generally increases as the number of elec¬ 

trons in a molecule increases. The halogen diatomic molecules, for exam¬ 

ple, attract each other mainly by means of dispersion forces. Fluorine and 

chlorine have relatively few electrons and are gases at ordinary room tem¬ 

perature and pressure because of their especially weak dispersion forces. 

The larger number of electrons in bromine generates larger dispersion 

forces. Bromine molecules therefore attract each other sufficiently to make 

bromine a liquid at ordinary room temperature and pressure. Iodine, with 

a still larger number of electrons, is a solid at ordinary room temperature 

and pressure. 
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Hydrogen Bonds The dipole interactions in water produce an attrac¬ 

tion between water molecules. Each O—H bond in the water molecule is 

highly polar, and the oxygen acquires a slightly negative charge because of 

its greater electronegativity. The hydrogens in water molecules acquire a 

slightly positive charge. The positive region of one water molecule attracts 

the negative region of another water molecule, as illustrated in Figure 8.26. 

This attraction between the hydrogen of one water molecule and the 

oxygen of another water molecule is strong compared to other dipole inter¬ 

actions. This relatively strong attraction, which is also found in hydrogen- 

containing molecules other than water, is called a hydrogen bond. 

Figure 8.26 illustrates hydrogen bonding in water. 

Hydrogen bonds are attractive forces in which a hydrogen covalently 

bonded to a very electronegative atom is also weakly bonded to an 

unshared electron pair of another electronegative atom. This other atom 

may be in the same molecule or in a nearby molecule. Hydrogen bonding 

always involves hydrogen. It is the only chemically reactive element with 

valence electrons that are not shielded from the nucleus by other electrons. 

Remember that for a hydrogen bond to form, a covalent bond must 

already exist between a hydrogen atom and a highly electronegative atom, 

such as oxygen, nitrogen, or fluorine. The combination of this strongly 

polar bond and the lack of shielding effect in a hydrogen atom is responsi¬ 

ble for the relative strength of hydrogen bonds. A hydrogen bond has about 

5% of the strength of an average covalent bond. Hydrogen bonds are the 

strongest of the intermolecular forces. They are extremely important in 

determining the properties of water and biological molecules such as pro¬ 

teins. Figure 8.27 shows how the relatively strong attractive forces between 

water molecules cause the water to form small drops on a waxy surface. 

(^Checkpoint) What are hydrogen bonds? 

Section 8.4 

Figure 8.26 The strong 
hydrogen bonding between 

water molecules accounts for 

many properties of water, such 
as the fact that water is a liquid 

rather than a gas at room 

temperature. 

Figure 8.27 The strong 
attractions between water 

molecules cause the water to pull 

together into small drops rather 
than spread over the surface of 

the flower. 
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The Chemistry of Adhesives 
Most common adhesives are sticky substances that you 

can use to bind two surfaces together.The diagram shows 

how some adhesives work.The adhesive is a liquid until 

the surfaces are in position.Then the adhesive sets into a 

solid. Adhesion can work in three ways: Molecules of the 

polymer may fill crevices in the surfaces being connected, 

the molecules may also become attracted by intermolecular 

forces, or they may react by forming covalent bonds. 

Interpreting Diagrams Explain the purpose of a stabilizer 

in an adhesive. 

Permanent adhesion An epoxy resin 

attached this full-size automobile to the 

billboard. Epoxy resins are often stored in 

two parts that are mixed just before the 

epoxy is used. Strong binding forces in 

these adhesives make them heat- and 
water-resistant. 

It also sticks 

Temporary adhesion The sticky strip 

on a reusable note is a microsphere 

adhesive.The microspheres limit the 

D Liquid adhesive In a typical 

adhesive, monomer molecules 

and a stabilizer are in a solvent.The 

stabilizer stops the monomers from 

forming a solid polymer. 

Monomer molecule 

Stabilizer 

Solvent 

Monomers join together. 

Setting the adhesive 

with water in the air ai 
surfaces being joined makes 

stabilizer inactive.The monomers then 

begin to join together to form polymers. 
As the chain lengthens, the adhesive 

changes from a liquid to a solid. 

B Applying the adhesive 

Squeezing the tube 

releases the liquid onto one of 

the surfaces to be joined. 
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Intermolecular Attractions and 
Molecular Properties 
At room temperature, some compounds are gases, some are liquids, and 

some are solids. The physical properties of a compound depend on the 

type of bonding it displays—in particular, on whether it is ionic or covalent. 

A great range of physical properties occurs among covalent compounds. 

This is mainly because of widely varying intermolecular attractions. 

The meltin g and boiling points of most compounds composed of mol¬ 

ecules are low compared with those of ionic compounds. In most solids 

formed from molecules, only the weak attractions between molecules need 

to be broken. However, a few solids that consist of molecules do not melt 

until the temperature reaches 1000°C or higher, or they decompose with¬ 

out melting at all. Most of these very stable substances are network solids 

(or network crystals), solids in which all of the atoms are covalently bonded 

to each other, Melting a network solid would require breaking cova¬ 

lent bonds throughout the solid. 

Diamond is an example of a network solid. As shown in Figure 8.28, 

each carbon atom in a diamond is covalently bonded to four o ther carbons, 

interconnecting carbon atoms throughout the diamond. Cutting a dia¬ 

mond requires breaking a multitude of these bonds. Diamond does not 

melt; rather, it vaporizes to a gas at 3500°C and above. 

Silicon carbide, with the formula SiC and a melting point of about 

2700°C, is also a network solid. Silicon carbide is so hard that it is used in 

grindstones and as an abrasive as illustrated in Figure 8.29. The molecular 

structures of silicon carbide and diamond are similar to each other. You 

can think of samples of diamond, silicon carbide, and other network solids 

as single molecules. 

(^Checkpoint) What substance is an example of a network solid? 

Figure 8.28 Diamond is a 
network-solid form of carbon. 

Diamond has a three-dimensional 

structure, with each carbon at 
the center of a tetrahedron. 

Diamond 

c Go inline 
*m>SC/lNKS 

For: Links on Diamond 
Visit: www.SciLinks.org 
Web Code: cdn-1085 

Figure 8.29 Silicon carbide, 

a network solid, is so hard 

that it is used in this grind¬ 
stone to wear down the end 
of a hardened steel cutting 

tool to form a sharp edge. 

KM 
Textbook 

Simulations Relate melting 
and boiling points to the strength 
of intermolecular forces. 

_with ChemASAP 
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Table 8.4 summarizes some of the characteristic differences between 

ionic and covalent (molecular) substances. Note that ionic compounds 

have higher melting points than molecular compounds. Ionic compounds 

also tend to be soluble in water. 

Table 8.4 

Characteristics of Ionic and Covalent Compounds 

Characteristic Ionic compound Covalent compound 

Representative unit Formula unit Molecule 

Bond formation Transfer of one 
or more electrons 
between atoms 

Sharing of electron 
pairs between atoms 

Type of elements Metallic and 
nonmetallic 

Nonmetallic 

Physical state Solid Solid, liquid, or gas 

Melting point High (usually above 
300°C) 

Low (usually below 
300°C) 

Solubility in water Usually high High to low 

Electrical conductivity 
of aqueous solution 

Good conductor Poor to 
nonconducting 

8.4 Section Assessment 

32. <T^ Key Concept How do electronegativity values 

determine the charge distribution in a polar cova¬ 

lent bond? 

33. Key Concept What happens when polar mol¬ 

ecules are between oppositely charged metal 

plates? 

34. Key Concept Compare the strengths of inter- 

molecular attractions to the strengths of ionic 

bonds and covalent bonds. 

35. Key Concept Explain why network solids 

have high melting points. 

36. Not every molecule with polar bonds is polar. 

Explain this statement. Use CC14 as an example. 

37. Draw the electron dot structure for each molecule. 

Identify polar covalent bonds by assigning slightly 

positive (8+) and slightly negative (8-) symbols to 

the appropriate atoms. 

a. HOOH b. BrCl c. HBr d. HzO 

38. How does a network solid differ from most other 

covalent compounds? 

Connecting Concepts 

Dipole Interactions and Dispersion Forces 

Explain how dipole interactions and dispersion forces 
are related. First, explain what produces the attrac¬ 

tions between polar molecules.Then explain what 
produces dispersion forces between molecules. Iden¬ 

tify what is similar and what is different in the two 
mechanisms of intermolecular attraction. 

. ^^I'GcilfSKgGDW® 
^Textbook 

Assessment 8.4 Test yourself 

on the important concepts of 

Section 8.4. 

-with ChemASAP 
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Paper Chromatography 
of Food Dyes 

Purpose 
To use paper chromatography to separate and identify 

food dyes in various samples. 

Materials 
• pencil 

• paper 

• ruler 

• scissors 

• toothpicks 

• 4 different colors of food coloring 

• plastic cup 

• 0.1% NaCI solution 

• chromatography paper 

Procedure Hi □ M 
Cut a 5 cm X 10 cm strip of chromatography paper and 

label it with a pencil, as shown below. Use a different 

toothpick to place a spot of each of the four food colors on 

the Xs on your chromatography paper. Allow the spots to 

dry for a few minutes. Fill the plastic cup so its bottom is 

just covered with the solvent (0.1% NaCI solution). Wrap 

the chromatography paper around a pencil. Remove the 

pencil and place the chromatography paper, color-spot 

side down, in the solvent. When the solvent reaches the 

top of the chromatography paper, remove the paper and 

allow it to dry. 

Food Color Samples Your name 

0.1% NaCI solution 

x x x x 
Red Yellow Green Blue 

Analysis 
Using your experimental data, record the answers to the 

following questions below your data table. 

1. If a food color sample yields a single streak or spot, it is 

usually a pure compound. Which food colors consist of 

pure compounds? 

2. Which food colors are mixtures of compounds? 

3. Food colors often consist of a mixture of three colored 

dyes: Red No. 40, Yellow No. 5, and Blue No. 1. Read the 

label on the food color package. Which dyes do your 

food color samples contain? 

4. Identify each spot or streak on your chromatogram as 

Red No. 40, Yellow No. 5, or Blue No. 1. 

5. Paper chromatography separates polar covalent com¬ 

pounds on the basis of their relative polarities.The 

most polar dyes migrate the fastest and appear at 

the top of the paper. Which dye is the most polar? The 

least polar? 

You're The Chemist 

The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Design It! Design and carry out an experiment to 

identify the dyes in various colored candies. 

2. Design It! Design and carry out an experiment to 

identify the dyes in various colored markers using the 

paper chromatography method. 

3. Design It! Design and carry out an experiment to 

identify the dyes in various colored powdered drinks 

using the paper chromatography method. 

4. Analyze It! Use different solvents, such as 2-propanol 

(rubbing alcohol), vinegar, and ammonia, to separate 

food colors. Does the choice of solvent affect the 

results? 

5. Analyze It! Explore the effect of different papers on 

your results.Try paper towels, notebook paper, and 

coffee filters. Report your results. Examine the relative 

positions of Blue No. 1 and Yellow No. 5. What do you 

observe? 
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Study Guide 

Key Concepts 

0 8.1 Molecular Compounds 

• Molecular compounds tend to have relatively 
low melting and boiling points. 

• A molecular formula shows how many atoms 
of each element a molecule contains. 

<T^ 8.2 The Nature of Covalent Bonding 

• Electron sharing occurs so that atoms attain 
the configurations of noble gases. 

• An electron dot structure shows the shared 
electrons of a covalent bond by a pair of dots. 

• Atoms form double or triple bonds by sharing 
two or three pairs of electrons. 

• In a coordinate covalent bond, the shared 
electron pair comes from a single atom. 

• A large bond dissociation energy corre¬ 
sponds to a strong covalent bond. 

• In ozone, the bonding of oxygen atoms is a 
hybrid of the extremes represented by the 
resonance forms. 

• The octet rule is not satisfied in molecules 
with an odd number of electrons, and in 
molecules where an atom has less, or more, 
than a complete octet of valence electrons. 

8.3 Bonding Theories 

• Just as an atomic orbital belongs to a partic¬ 
ular atom, a molecular orbital belongs to a 
molecule as a whole. 

• According to VSEPR theory, the repulsion 
between electron pairs causes molecular 
shapes to adjust so that the valence-electron 
pairs stay as far apart as possible. 

• Orbital hybridization provides information 
about both molecular bonding and molecular 
shape. 

8.4 Polar Bonds and Molecules 

• When different atoms bond, the more elec¬ 
tronegative atom attracts electrons more 
strongly and acquires a slight negative 
charge. 

• Polar molecules between oppositely charged 
metal plates tend to become oriented with 
respect to the positive and negative plates. 

• Intermolecular attractions are weaker than 
either an ionic or covalent bond. 

• Melting a network solid requires breaking 
covalent bonds throughout the solid. 

Vocabulary 

• bond dissociation energy 

(p. 226) 

• bonding orbital (p. 230) 

• covalent bond (p. 213) 

• coordinate covalent bond 

(p.223) 

• diatomic molecule (p. 214) 

• dipole (p. 239) 

• dipole interactions (p. 240) 

• dispersion forces (p. 240) 

Organizing Information 

double covalent bond (p. 221) 

hybridization (p. 234) 

hydrogen bonds (p. 241) 

molecular compound (p. 214) 

molecular formula (p. 215) 

molecular orbital (p. 230) 

molecule (p. 214) 

network solids (p. 243) 

nonpolar covalent bond (p. 237) 

pi bond (p. 231) 

polar bond (p. 238) 

polar covalent bond (p. 238) 

polar molecule (p. 239) 

polyatomic ion (p. 223) 

resonance structure (p. 227) 

sigma bond (p. 230) 

single covalent bond (p. 217) 

structural formula (p. 218) 

tetrahedral angle (p. 232) 

triple covalent bond (p. 221) 

unshared pair (p. 218) 

van der Waals forces (p. 240) 

VSEPR theory (p. 232) 

Construct a concept map that organizes 
the major ideas of this chapter. 

© 

^Textbook 
Concept Map 8 Solve the 
Concept Map with the help of 
an interactive guided tutorial. 

■ with ChemASAP 
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Assessment 

CHAPTER 

8 
Reviewing Content 

8.1 Molecular Compounds 

39. The melting point of a compound is 1240°C. Is 

this compound most likely an ionic or a molecu¬ 

lar compound? 

40. Identify the number and kinds of atoms present 

in a molecule of each compound. 

a. ascorbic acid (vitamin C), C6H806 

b. sucrose (table sugar), C12H22On 

c. trinitrotoluene (TNT), C7H5N306 

41. Which of the following gases in Earth’s atmos¬ 

phere would you expect to find as molecules and 

which as individual atoms? Explain. 

a. nitrogen b. oxygen c. argon 

8.2 The Nature of Covalent Bonding 

42. Explain why neon is monatomic but chlorine is 

diatomic. 

43. Classify the following compounds as ionic or 

covalent. 

a. MgCl2 b. Na^ c. H20 d. 

44. Describe the difference between an ionic and a 

covalent bond. 

45. How many electrons do two atoms in a double 

covalent bond share? How many in a triple cova¬ 

lent bond? 

46. Draw plausible electron dot structures for the 

following substances. Each substance contains 

only single covalent bonds. 

a. I2 b. OF2 c. H^ d. NI3 

47. Characterize a coordinate covalent bond and 

give an example. 

48. Explain why compounds containing C—N and 

C—O single bonds can form coordinate covalent 

bonds with H" but compounds containing only 

C—H and C—C single bonds cannot. 

49. Using electron dot structures, draw at least 

two resonance structures for the nitrite ion 

(NCV). The oxygens in NCV are attached to the 

nitrogen. 

50. Which of these compounds contain elements 

that do not follow the octet rule? Explain. 

a. NF3 b. PCI ^3 c. SF4 d. SC12 

51. Explain what is meant by bond dissociation 

energy. 

52. What is the relationship between the magnitude 

of a molecule’s bond dissociation energy and its 

expected chemical reactivity? 

8.3 Bonding Theories 

53. What is a pi bond? Describe, with the aid of a 

diagram, how the overlap of two half-filled p 

atomic orbitals produces a pi bond. 

54. Use VSEPR theory to predict the shapes of the 

following species. 

a. C02 b. SiCl4 c. S03 

d. SC12 e. CO f. H2Se 

55. The molecule C02 has two carbon-oxygen dou¬ 

ble bonds. Describe the bonding in the C02 

molecule, which involves hybridized orbitals for 

carbon and oxygen. 

56. What types of hybrid orbitals are involved in the 

bonding of the carbon atoms in the following 

molecules? 

a. CH4 b. H2C = CH2 

c. HC = CH d. N = C — C = N 

8.4 Polar Bonds and Molecules 

57. How must the electronegativies of two atoms 

compare if a covalent bond between them is to 

be polar? 

58. The bonds between the following pairs of ele¬ 

ments are covalent. Arrange them according to 

polarity, listing the most polar bond first. 

a. H—Cl b. H—C c. H—F 

d. H—O e. H—H f. S—Cl 

59. What is a hydrogen bond? 

60. Depict the hydrogen bonding between two 

ammonia molecules and between one ammonia 

molecule and one water molecule. 

61. Why do compounds with strong intermolecular 

attractive forces have higher boiling points than 

compounds with weak intermolecular attractive 

forces? 
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CHAPTER 

Assessment continued 

Understanding Concepts 

62. Devise a hybridization scheme for PC13 and pre¬ 

dict the molecular shape based on this scheme. 

63. The chlorine and oxygen atoms in thionyl chlo¬ 

ride (SOCl2) are bonded directly to the sulfur. 

Draw an acceptable electron dot structure for 

thionyl chloride. 

64. Explain why each electron dot structure is incor¬ 

rect. Replace each structure with one that is 

more acceptable. 

a. [:C::N:]“ b. 

"■]■■■ " 

65. Use VSEPR theory to predict the geometry of 

each of the following. 

a. SiCl4 b. C032- c. CCIj d. SC12 

66. The following graph shows how the percent 

ionic character of a single bond varies according 

to the difference in electronegativity between 

the two elements forming the bond. Answer the 

following questions, using this graph and 

Table 6.2. 

100 

S 90 
o 80 

<5 70 
o 60 

■| 50 
.2 40 

1 30 

5 20 
10 

0 
0 12 3 
Electronegativity difference 

a. What is the relationship between the percent 

ionic character of single bonds and the elec¬ 

tronegativity difference? 

b. What electronegativity difference will result in 

a bond with a 50% ionic character? 

c. Estimate the percent ionic character of the 

bonds formed between (1) lithium and oxy¬ 

gen, (2) nitrogen and oxygen, (3) magnesium 

and chlorine, and (4) nitrogen and fluorine. 

Single Bond Ionic Character 

67. Give the angles between the orbitals of each 

hybrid. 

a. sp3 hybrids 

b. sp2 hybrids 

c. sp hybrids 

68. What is the geometry around the central atom in 

each of these simple molecules? 

b. 

J 

d. 

69. Which of the following molecules contains a 

central atom that does not obey the octet rule? 

a. PBr5 

b. All 3 

c. PF3 

d. SiCl4 

70. Vinegar contains the compound ethanoic acid, 

whose molecular formula is CEI3COOH. 

a. Draw the electron dot structure of ethanoic 

acid. 

b. Is the bonding between each of the oxygen 

atoms and the carbon the same? 

c. Is the bonding between the carbon atom and 

each oxygen atom a polar or nonpolar bond? 

d. Is ethanoic acid a polar molecule? 
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Critical Thinking Concept Challenge 

71. Make a list of the elements in the compounds 

found in Table 8.2 on page 224. What do the 

elements that form covalent bonds have 

in common? 

72. Is there a clear difference between a very polar 

covalent bond and an ionic bond? Explain. 

73. Although the relative positions of the atoms are 

correct in each of these molecules there are one 

or more incorrect bonds in each of the electron 

dot structures. Identify the incorrect bonds. 

Draw the correct electron dot structure for each 

molecule. 

a. H=C=C=H 

b. :F—O—H 

c. : I :::C1: 

d. H—N ::: N—H 

74. Ethyl alcohol and dimethyl ether each have the 

same molecular formula, C2EtsO. Ethyl alcohol 

has a much higher boiling point (78°C) than 

dimethyl ether (-25°C). Propose an explanation 

for this difference. 

75. What shape do you expect for a molecule with a 

central atom and the following? 

a. two bonding pairs of electrons and two non¬ 

bonding pairs of electrons 

b. four bonding pairs and zero nonbonding pairs 

c. three bonding pairs and one nonbonding pair 

76. Is this statement true or false? “As the electrone¬ 

gativity difference between covalently bonded 

atoms increases, the strength of the bond 

increases.” Use the table below to justify your 

answer. 

Bond Electronegativity 
Difference 

Bond 
Dissociation 
Energy(kJ/mol) 

C—C 2.5 - 2.5 = 0.0 347 

C—H 2.5 - 2.1 = 0.4 393 

C —N 3.0 - 2.5 = 0.5 305 

C — 0 3.5 - 2.5 = 1.0 356 

77. The electron structure and geometry of the 

methane molecule (CH4) can be described by a 

variety of models, including electron dot struc¬ 

ture, simple overlap of atomic orbitals, and 

orbital hybridization of carbon. Draw the elec¬ 

tron dot structure of CH4. Sketch two molecular 

orbital pictures of the CH4 molecule. For your 

first sketch, assume that one of the paired 2s2 

electrons of carbon has been promoted to the 

empty 2p orbital. Overlap each half-filled atomic 

orbital of carbon to a half-filled 2s orbital of 

hydrogen. What is the predicted geometry of the 

CH4 molecule, using this simple overlap 

method? In your second sketch, assume hybrid¬ 

ization of the 25 and 2p orbitals of carbon. Now 

what geometry would you predict for CH4? 

Which picture is preferable based on the facts 

that all El—G—H bond angles in CH4 are 109.5° 

and all C—El bond distances are identical? 

78. There are some compounds in which one atom 

has more electrons than the corresponding 

noble gas. Examples are PC15, SF6, and IF7. Draw 

the electron dot structures of P, S, and I atoms 

and of these compounds. Considering the outer 

shell configuration of P S, and I, develop an 

orbital hybridization scheme to explain the 

existence of these compounds. 

79. Draw the electron dot structure of formic acid, 

E12C02. The carbon is the central atom, and all 

the atoms are attached to the carbon except for 

a hydrogen bonded to an oxygen. 

80. Oxalic acid, C2E1204, is used in polishes and rust 

removers. Draw' the electron dot structure for 

oxalic acid given that the two carbons are 

bonded together but neither of the hydrogen 

atoms is bonded to a carbon atom. 

81. Draw' as many resonance structures as you can 

for HN3. {Hint: the three nitrogen atoms are 

bonded in a row and the hydrogen atom is 

bonded to a nitrogen atom at the end of the row 

of nitrogens.) 

82. Draw an electron dot structure for each mol¬ 

ecule and explain why it fails to obey the octet 

rule. 

a. BeF2 b. SiF6 c. C102 d. BF3 e. XeF2 
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Assessment continued 

\ Cumulative Review 

83. Name three indicators of chemical change, 

(Chapter 2) 

84. Make the following conversions. (Chapters) 

a. 66.5 mm to micrometers 

b. 4 X 10“2 g to centigrams 

c. 5.62 mg/mL, to decigrams per liter 

d. 85 km/h to meters per second 

85. How many significant figures are in each mea¬ 

surement? (Chapter 3) 

a. 0.00052 m b. 9.8 X 104 g 

c. 5.050 mg d. 8.700 mL 

86. How many neutrons are in each atom? 

(Chapter 4) 

a. silicon-30 b. magnesium-24 

c. nitrogen-15 d. chromium-50 

87. How do isotopes of an atom differ? (Chapter 4) 

88. In a neutral atom, the number of which two 

subatomic particles must always be equal? 

(Chapter 4) 

89. How many electrons are in the 2p sublevel of an 

atom of each element? (Chapters) 

a. aluminum b. carbon 

c. fluorine d. lithium 

90. What happens to the wavelength of light as the 

frequency increases? (Chapter 5) 

91. What does the 5 in 3d5 represent? (Chapter 5) 

92. Write correct electron configurations for atoms 

of the following elements. (Chapter 5) 

a. sodium b. sulfur 

c. phosphorus d. nitrogen 

93. How does the ionic radius of a typical anion 

compare with the radius for the corresponding 

neutral atom? (Chapter 6) 

94. What criteria did Mendeleev and Moseley use to 

arrange the elements on the periodic table? 

(Chapter 6) 

95. Give the electron configuration of the element 

found at each location in the periodic table. 

(Chapter 6) 

a. Group 1A, period 4 b. Group 3A, period 3 

c. Group 6A, period 3 d. Group 2A, period 6 

96. Identify the larger atom of each pair. (Chapter 6) 

a. calcium and barium 

b. silicon and sulfur 

c. sodium and nitrogen 

97. Which of these statements about the periodic 

table is correct? (Chapter 6) 

I. Elements are arranged in order of increasing 

atomic mass. 

II. A period is a horizontal row. 

III. Nonmetals are located on the right side of 

the table. 

a. I only 

b. I and II only 

c. I, II, and III 

d. I and III only 

e. II and III only 

98. Which of the following ions has the same num¬ 

ber of electrons as a noble gas? (Chapter 7) 

a. Al3+ b. O2- c. Br“ d. N3- 

99. What element is likely to form an ionic com¬ 

pound with chlorine? (Chapter 7) 

a. iodine 

b. cesium 

c. helium 

100. How many valence electrons does each atom 

have? (Chapter 7) 

a. argon 

b. aluminum 

c. selenium 

d. beryllium 

101. Write the electron configuration of each ion. 

(Chapter 7) 

a. oxide ion 

b. magnesium ion 

c. nitride ion 

d. potassium ion 

102. An alloy is composed of two or more elemen ts. 

Is an alloy a compound? Explain your answer. 

(Chapter 7) 
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Standardized Test Prep 

Test-Taking Tip 

Connectors Sometimes two phrases in a true/ 

false question are connected by a word such as 

because. The word implies that one thing caused 

another thing to happen. Statements that 

include such words can be false even if both 

parts of the statement are true by themselves. 

Select the choice that best answers each question or 

completes each statement. 

1. A bond in which two atoms share a pair of 

electrons is not 

a. a coordinate covalent bond. 

b. a polar covalent bond. 

c. an ionic bond. 

d. a nonpolar covalent bond. 

2. How many valence electrons are in a molecule of 

phosphoric acid, H3P04? 

a. 7 b. 16 c. 24 d. 32 

3. Which of these molecules can form a hydrogen 

bond with a water molecule? 

a. N2 b. NH3 c. 02 d. CH4 

4. Which substance contains both covalent and 

ionic bonds? 

a. NH4N03 b. CH3OCH3 c. LiF d. CaCl2 

5. Which of these bonds is most polar? 

a. H—Cl b. H—Br c. H—F d. H—I 

Use the description and data table below to answer 

Questions 6-9. 

The table relates molecular shape to the number 

of bonding and nonbonding electron pairs in 

molecules. 

Bonding 
pairs 

Non¬ 
bonding 
pairs 

Arrangement 
of electron 
pairs 

Molecular 
shape Example 

4 0 tetrahedral tetrahedral ch4 

3 1 tetrahedral pyramidal nci3 

2 2 tetrahedral bent h2s 

1 3 tetrahedral linear HF 

6. Draw the electron dot structure for each exam¬ 

ple molecule. 

7. Explain why the arrangement of electron pairs is 

tetrahedral in each molecule. 

8. H2S has two hydrogen atoms bonded to a sulfur 

atom. Why isn’t the molecule linear? 

9. What is the arrangement of electron pairs in PBr3? 

Predict the molecular shape of a PBr3 molecule. 

For Questions 10-12, identify the type of intermolecu- 

lar bonding represented by the dotted lines in the 

drawings. 

10. H20 

11. BrCl (bromine chloride) 

12. CH3OH (methanol) 

In Questions 13-15, a statement is followed by an 

explanation. Decide if each statement is true and 

then decide if the explanation given is correct. 

13. A carbon monoxide molecule has a triple cova¬ 

lent bond because carbon and oxygen atoms 

have an unequal number of valence electrons. 

14. Xenon has a lower boiling point than neon 

because dispersion forces between xenon atoms 

are stronger than those between neon atoms. 

15. The nitrate ion has three resonance 

structures because the nitrate ion has three 

single bonds. 
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CHAPTER 

9 
Chemical Names 
and Formulas 

INQUIRY 

IMCOMI 

A pharmacist's knowledge of the 

names and formulas of chemical 

compounds is crucial to the safety 

of her clients 
\ p Activity 

Procedure 

i 
252 

1 
r«all 

Element Name Search 

Materials 

Ingredient labels from items such as bread, cake 

mixes, baking soda, cereal, soap, shampoo, 

conditioner, toothpaste, and antacids 

3. With the help of a periodic table, make another list 

of all the ingredient names that contain or are 

derived from the name of an element. 

1. Select a variety of ingredient labels from the sug¬ 

gested items or from similar ones. 

2. List all the ingredients that you recognize. Don't be 

discouraged by the many unfamiliar names.Thou¬ 

sands upon thousands of substances are used in 

everyday products. 

Think About It 

1. How often did you find the same element name in 

more than one product? 

2. What element names are on both lists? 

3. Did all the ingredients have complex chemical¬ 

sounding names? 

4. How do the names of element-containing com¬ 

pounds compare with the other names on your list? 

U 

r- ■- xMSr. 

m 

Ml ! 



9.1 
L 

Naming ions 

Connecting to Your World ln the play Romeo andJuliet 
William Shakespeare wrote,"What's in a name? That which we call a 

rose/By any other name would smell as sweet." A rose is rosa in Spanish, 

warda in Arabic, and julob in Hindi.To truly under¬ 

stand another culture, you must first learn the 

language used in that culture. Similarly, to 

understand chemistry, you must learn its 
language. Part of learning the language of 

chemistry involves understanding how to 

name ionic compounds. For this you need 
to know how to name ions. 

Monatomic Ions 
Ionic compounds consist of a positive metal ion and a negative nonmetal 

ion combined in a proportion such that their charges add up to a net 

charge of zero. For example, the ionic compound sodium chloride (NaCl) 

consists of one sodium ion (Na+) and one chloride ion (Cl”). Probably you 

are already familiar with the name and formula of sodium chloride, which 

is common table salt. But it is important, in learning the language of 

chemistry, to be able to name and write the chemical formulas for all ionic 

compounds. The first step is to learn about the ions that form ionic com¬ 

pounds. Some ions, called monatomic ions, consist of a single atom with a 

positive or negative charge resulting from the loss or gain of one or more 

valence electrons, respectively. 

Cations Recall that metallic elements tend to lose valence electrons. Lith¬ 

ium, sodium, and potassium in Group 1A lose one electron to form cations. 

All the Group 1A ions have a 1+ charge (Li+, Na+, K+, Rb1, and Cs+). Mag¬ 

nesium and calcium are Group 2A metals. They tend to lose two electrons 

to form cations with a 2+ charge (Mg2+ and Ca2+), as do all the other Group 

2A metals. Aluminum is the only common Group 3A metal. As you might 

expect, it tends to lose three electrons to form a 3 + cation (Al3+). When 

the metals in Groups 1A, 2A, and 3A lose electrons, they form cations with 

positive charges equal to their group number. Figure 9.1 shows some of the 

elements whose ionic charges can be obtained from their positions in the 

periodic table. The names of the cations of the Group 1A, Group 2A, and 

Group 3A metals are the same as the name of the metal, followed by the 

word ion or cation. Thus Na+ is the sodium ion (or cation), Ca2+ is the cal¬ 

cium ion (or cation), and Al3+ is the aluminum ion (or cation). 

Guide for Reading 

Key Concepts 

• How are the charges of Group A 
metal and nonmetal ions 
related to their positions in the 
periodic table? 

• How are the charges of some 
transition metal ions 
determined? 

• What are the two endings of 
the names of most polyatomic 
ions? 

Vocabulary 
monatomic ion 

polyatomic ion 

Reading Strategy 
Outlining As you read, make an 
outline of the most important 
ideas in this section. Use the red 
headings as the main topics and 
the blue headings as subtopics. 
Add a sentence or a note after 
each heading to provide key infor¬ 
mation about the topic. 

1A 2A 

Li Be 

Na Mg 

K Ca 

Rb Sr 

Cs Ba 

Fr Ra 

■ 

Figure 9.1 The representative 
elements shown form positive ions 

with charges equal to their group 
numbers. Applying Concepts 
Are the ions anions or cations? 
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5A 6A 7 A 

IM O F 

P S Cl 

As Se Br 

I 

Mn Fe Co Cu 

6B 7B 1-8B- 

Hg 

IB 2B 

Figure 9.2 Note the positions 

of the nonmetals and the 
metalloid, arsenic. These 

elements form anions. Common 
transition elements that form 

more than one ion are also 
shown. Applying Concepts 
Do the transition metals form 

anions or cations? 

Figure 9.3 The ions of these 
transition metals produce an 
array of colors when dissolved in 

water. From left to right, the ions 
are Co3+, Cr3+, Fe3+, Ni2H', and 
Mn2+. 

r Table 9.1 ^ 

Ionic Charges of Representative Elements 

1A 2A 3A 
.u' 

4A 5A 6A 7A 8A 

Li+ Be2+ N3~ o2- F 

Na+ Mg2+ Al3+ p3- s2- cr 
K+ Ca2+ As3' Se2' Br 

Rb+ Sr2+ 1- 

Cs+ Ba2+ 

Anions Nonmetals tend to gain electrons to form anions, so the charge of 

a nonmetallic ion is negative. The charge of any ion of a Group A 

nonmetal is determined by subtracting 8 from the group number. The 

elements in Group 7A form anions with a 1- charge (7 - 8 = -1). The 

name of an anion is not the same as the element’s name. Anion names start 

with the stem of the element name and end in -ide. For example, two ele¬ 

ments in Group 7A are fluorine and chlorine. The anions for these non- 

metals are the fluor/de ion (F“) and chloride ion (Ch). Anions of nonmetals 

in Group 6A have a 2 - charge (6 - 8 = -2). Group 6A elements, oxygen and 

sulfur, form the oxide anion (O2-) and the sulfideanion (S2_), respectively. 

The three nonmetals in Group 5A—nitrogen, phosphorus, and arsenic— 

can form anions with a 3— charge (5 - 8 = -3). These have the symbols 

N3_, P3“, and As3- and are called, respectively, nitride ion, phosphide ion, 

and arsenide ion. Figure 9.2 shows the Group A elements that form anions. 

Table 9.1 summarizes the ionic charges of representative elements that can 

be obtained from the periodic table. 

The majority of the elements in the two remaining representative 

groups, 4A and 8A, usually do not form ions. 

(^Checkpoint) What is the name of the anion N3 1 

Ions of Transition Metals The metals of Groups 1A, 2A, and 3A consis¬ 

tently form cations with charges of 1 + , 2 + , and 3 + , respectively. Many of 

the transition metals (Groups 1B-8B) form more than one cation with dif¬ 

ferent ionic charges. Some of these are shown in Figure 9.2. (T^ The 

charges of the cations of many transition metal ions must be determined 

from the number of electrons lost. For example, the transition metal iron 

forms two common cations, Fe2+ (two electrons lost) and Fe3+ (three elec¬ 

trons lost). Cations of tin and lead, the two metals in Group 4A, can also 

have more than one charge. Table 9.2 lists symbols for common ions of 

many of the metals that form more than one ion. Two methods are used to 

name these ions. The preferred method is called the Stock system. In the 

Stock system, a Roman numeral in parentheses is placed after the name of 

the element to indicate the numerical value of the charge. Table 9.2 shows 

that the cation Fe2+ is named iron(II) ion. Note that no space is left between 

the element name and the Roman numeral in parentheses. The name for 

Fe2+ is read “iron two ion.” The Fe3+ ion is named iron(III) ion and is read 

“iron three ion.” Colorful solutions of the transition metal ions Co3+, Cr3+, 

Fe3+, Ni2+, and Mn2+ are shown in Figure 9.3. 
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An older, less useful method for naming these cations uses a root word 

with different suffixes at the end of the word. The older, or classical, name 

of the element is used to form the root name for the element. For example, 

ferrum is Latin for iron, so ferr- is the root name for iron. The suffix -ous is 

used to name the cation with the lower of the two ionic charges. The suffix 

-zc is used with the higher of the two ionic charges. Using this system, Fe2+ 

is the ferrous ion, and Fe3+ is the ferric ion, as shown in Table 9.2. Notice 

that you can usually identify an element from what may be an unfamiliar 

classical name by looking for the element’s symbol in the name. Thus/fer¬ 

rous (Fe) is iron; cuprous (Cu) is copper; and stannous (Sn) is tin. A major 

disadvantage of using classical names for ions is that they do not tell you 

the actual charge of the ion. A classical name tells you only that the cation 

has either the smaller [-ous) or the larger (-zc) charge of the pair of possible 

ions for that element. 

A few transition metals have only one ionic charge. The names of these 

cations do not have a Roman numeral. These exceptions include silver, 

with cations that have a 1+ charge (Ag+), as well as cadmium and zinc, 

with cations that have a 2+ charge (Cd2+ and Zn2+). As Figure 9.4 shows, 

many transition metal compounds are colored and can be used as pig¬ 

ments. Pigments are compounds having intense colors that can be used to 

color other materials. For example, compounds of chromium are pigments 

used to make yellow, orange, red, or green paints. Various cadmium com¬ 

pounds range in color from yellow to red and maroon. Prussian blue is an 

important pigment composed of the transition element iron combined 

with carbon, hydrogen, and nitrogen. 

Figure 9.4 Many transition 

metals form brightly colored 

compounds that are used in 

making artists' paints. 

Table 9.2 

Symbols and Names of Common Metal Ions with More than One 
Ionic Charge 

Symbol Stock name Classical name 

Cu+ Copper(l) ion Cuprous ion 

Cu2+ Copper(II) ion Cupric ion 

Fe2+ Iron(ll) ion Ferrous ion 

Fe3+ Iron(lll) ion Ferric ion 

*Hg22+ Mercury(l) ion Mercurous ion 

Hg2+ Mercury(ll) ion Mercuric ion 

Pb2+ Lead(ll) ion Plumbous ion 

Pb4+ Lead(IV) ion Plumbic ion 

Sn2+ Tin(ll) ion Stannous ion 

Sn4+ Tin(IV) ion Stannic ion 

Cr2+ Chromium(ll) ion Chromous ion 

Cr3+ Chromium(lll) ion Chromic ion 

Mn2+ Manganese(ll) ion Manganous ion 

Mn3+ Manganese(lll) ion Manganic ion 

Co2+ Cobalt(ll) ion Cobaltous ion 

Co3+ Cobalt(lll) ion Cobaltic ion 

*A diatomic elemental ion. 
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with on-the-job training. Advance¬ 

ment to the position of pharmacist 

requires a college degree in phar¬ 

macy. This degree includes the 

study of chemistry, biology, mathe¬ 

matics, and statistics. Pharmacists 

must also learn about the biological 

effects of drugs and drug interac¬ 

tions (pharmacology). To obtain a 

license to dispense drugs, pharma¬ 

cists are required to pass a state test 

and must work for a specified period 

of time under the supervision of 

another pharmacist. 

Go inline 
-PHSchool.com 

For: Careers in Chemistry 

Visit: PHSchool.com 

Web Code: cdb-1091 

Pharmacist 
Doctors provide written instruc¬ 

tions to pharmacists about medi¬ 

cines they wish to have dispensed 

to their patients. It is the responsi¬ 

bility of the pharmacist to prepare 

the medicine and to advise the 

patient about possible side effects. 

Pharmacists also make sure that 

physicians have not prescribed a 

medicine or dosage that could 

harm the patient. 

A person with some knowledge of 

chemistry and biology could 

become a pharmacist’s assistant 

CONCEPTUAL PROBLEM 9.1 

Classifying and Naming Cations and Anions 

Write the symbol for the ion formed by each element. Classify the ions as 

cations or anions and name the ion. Potassium and iodine combine to form 

potassium iodide, an additive to table salt that protects the thyroid gland, 

a. potassium b. iodine c. sulfur d. lead, 4 electrons lost 

O Analyze Identify the relevant concepts. 

a.-d. Use the periodic table or the electrons 

lost to write the symbol for the ion. Ions with 

positive charges are cations; ions with nega¬ 

tive charges are anions. Apply the rules for 

naming cations and anions. The names of 

nonmetallic anions end in -ide. Metallic cat¬ 

ions take the name of the metal. If the metal 

ion can have more than one ionic charge, use 

a Roman numeral in the Stock name or use the 

classical name with a suffix. 

Practice Problems 

1. Name the ions formed by these elements and 

classify them as anions or cations. 

a. selenium b. barium c. phosphorus 

2. How many electrons were lost or gained to form 

these ions? 

a. Fe3+ b. O2 c. Cu+ 

^^Textbook 

Problem-Solving 9.1 Solve 

Problem 1 with the help of an 

interactive guided tutorial. 

withChemASAP 

Solve Apply concepts to this situation. 

a. K+: cation, potassium ion 

b. I“: anion, iodide ion 

c. S2-: anion, sulfide ion 

d. Pb4+: cation, lead(IV) or plumbic ion 

The ions formed by metals are cations and the 

ions formed by nonmetals are anions. The rules 

for naming have been correctly applied. 
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Polyatomic Ions 
Some ions, called polyatomic ions, are composed of more than one atom. 

The sulfate anion consists of one sulfur atom and four oxygen atoms. These 

five atoms together comprise a single anion with an overall 2- charge. The 

formula is written S042T Polyatomic ions, such as the sulfate ion, are tightly 

bound groups of atoms that behave as a unit and carry a charge. You can 

see the structures of four common polyatomic ions in Figure 9.5. 

The names and formulas of some common polyatomic ions are shown 

in Table 9.3 grouped according to their charges. The names of most 

polyatomic anions end in -ite or -ate. For example, notice the endings of 

the names of the hypochlorite ion (C1CT) and the hydrogen carbonate ion 

(HC03^). Also notice that three important ions have different endings. The 

positively charged ammonium cation (NH4+) ends in -ium, and the cya¬ 

nide ion (CN“) and the hydroxide ion (OFF ) end in -ide. Use Table 9.3 as a 

reference until you have memorized its contents. 

Sometimes the same two or three elements combine in different ratios 

to form different polyatomic ions. You can see examples in Table 9.3. Look 

for pairs of ions for which there is both an -ite and an -ate ending, for exam¬ 

ple, sulfite and sulfate. In the list below, examine the charge on each ion in 

the pair. Note the number of oxygen atoms and the endings on each name. 

You should be able to discern a pattern in the naming convention. 

-ite -ate 

S032', sulfite S042~, sulfate 

N02“, nitrite N03", nitrate 

CI02~, chlorite CI03~, chlorate 

The charge on each polyatomic ion in a given pair is the same. The -ite 

ending indicates one less oxygen atom than the -ate ending. Flowever, the 

ending does not tell you the actual number of oxygen atoms in the ion. For 

example, the nitrite ion has two oxygen atoms and the sulfite ion has three 

oxygen atoms. All anions with names ending in-ite or-ate contain oxygen. 

(^Checkpoint) What is the formula for the hydrogen sulfite polyatomic ion? 

Figure 9.5 These molecular 

models show the arrangement of 
atoms in four common 

polyatomic ions. Interpreting 
Diagrams How does the 

ammonium ion differ from the 
other three? 

Table 93 ^ 

Common Polyatomic Ions 

Formula Name 

Charge = 1 - 

H2P04- Dihydrogen 
phosphate 

C2H302“ Acetate 

hso3- Hydrogen sulfite 

hso4- Hydrogen sulfate 

HCCV Hydrogen carbonate 

N02- Nitrite 

no3- Nitrate 

CN Cyanide 

OH- Hydroxide 

Mn04- Permanganate 

cio- Hypochlorite 

cio2- 
_ ... _ 

Chlorite 

cio3- Chlorate 

CI04- Perchlorate 

Charge = 2- 

HP042- Hydrogen phosphate 

c2042- Oxalate 

S032- Sulfite 

S042- Sulfate 

co32- Carbonate 

Cr042- Chromate 

Cr20 72- Dichromate 

Si032- Silicate 

Charge = 3- 

po33- Phosphite 

po43- Phosphate 

Charge = 1 + 

nh4 Ammonium 
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Figure 9.6 Hydrogen- 
containing polyatomic ions are 

part of many compounds that 
affect your daily life. © Sodium 
hydrogen carbonate, which 

contains the HC03" ion, can 
relieve an upset stomach. 
0 The presence of dissolved 

HC03“, HP042-, and H2P04" ions 
in your blood is critical for your 
health. © Crop dusters spread 

fertilizers containing HP042" and 

H2P04~ ions. 

When the formula for a polyatomic ion begins with H (hydrogen), you 

can think of the H as representing a hydrogen ion (H+) combined with 

another polyatomic ion. For example, HCCV is a combination of H+ and 

C032-. Note that the charge on the new ion is the algebraic sum of the ionic 

charges. 

H+ + C032- -> HCCV 

carbonate hydrogen carbonate 

H+ + P043 4 5 6 7 8~ -> hpo42- 

phosphate hydrogen phosphate 

H+ + HP042" -> H2P04- 

hydrogen phosphate dihydrogen phosphate 

The hydrogen carbonate anion (HC03“)> the hydrogen phosphate 

anion (HP042~), and the dihydrogen phosphate anion (H2P04“) are essen¬ 
tial components of living systems. In contrast, the cyanide ion (CN“) is 

extremely poisonous to living systems because it blocks a cell’s means 

of producing energy. Figure 9.6 shows some uses for compounds with 

hydrogen-containing polyatomic ions. 

9.1 Section Assessment 

3. Key Concept Explain how the charges of 

Group A metal and nonmetal ions are related to 

their positions in the periodic table. 

4. Key Concept Flow are the charges of some 

transition metal ions determined? 

5. Key Concept What are the usual endings for 

the names of polyatomic ions? 

6. What are the charges on ions of Group 1A, Group 3A 

(aluminum), and Group 5A? 

7. How does a polyatomic anion differ from a mon¬ 

atomic anion? 

8. Write the symbol for the ion of each element. Classify 

the ion as an anion or a cation, and name the ion. 

a. potassium b. oxygen 

c. tin (2 electrons lost) d. bromine 

e. beryllium f. cobalt (3 electrons lost) 

9. Write the symbol or formula (including charge) 

for each of the following ions, 

a. ammonium ion b. tin(II) ion 

c. chromate ion d. nitrate ion 

Writing Activity 

Essay Sodium ions (Na+) and potassium ions (K+) 

are needed for the human body to function. 

Research where these ions are most likely to be 

found in the body and the roles they play. Write a 

brief essay describing your findings. 

Textbook 

Assessment 9.1 Test yourself 
on the concepts in Section 9.1. 

*_with ChemASAP 
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Technology & Society 

Plasma TV 

Today, a TV can be mounted on the wall just as if it 

were a picture in a frame.The cathode ray tube (CRT), 

which bulges from the back of a conventional TV, has 

been replaced by plasma. Plasma is a gaseous mixture 

How it works A computer 

controls the output of each 

pixel individually.Varying 

the electrical current flowing 
through the cells changes 

the intensity of the phosphor 

color in any cell to create 

millions of colors. 

Phosphor 

of high-energy electrons and ions that activates tiny 

fluorescent tubes in chambers called pixels. ATV 

picture is created by hundreds of thousands 

of pixels, each contributing a single point of 

colored light. Inferring Explain why 

you don't see the points of light. 

Front plate glass 

Pixels A pixel is divided into three 

cells containing phosphors of red, 

green, and blue. A phosphor is a 

substance that emits light when 

excited, in this case by plasma. 

Pixel 

5 in. 
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9.2 
Maming and Writing Formulas for 
Ionic Compounds 

L 

Guide for Reading 

Key Concepts 
• How are the names of binary 

ionic compounds determined? 

• How do you write the formulas 

for binary ionic compounds? 

• How do you write the formulas 

and names of compounds 

containing polyatomic ions? 

Vocabulary 
binary compound 

Reading Strategy 
Predicting Before you read, pre¬ 

view the section by reading the 

Key Concepts, the headings, and 

the boldfaced sentences. Predict 

how you would write the formulas 

for binary ionic compounds. After 

you have read the section, check 

the accuracy of your prediction. 

Connecting to Your World At festivals throughout the 

summer, contestants compete for blue ribbons for the best barbecue. 

Some cooks say the recipe for their barbecue sauce is the key to winning 

and they may hint at a secret ingredient.The 

recipe is the formula for the sauce—a 

complete list of ingredients and their 

proportions. With the recipe, anyone 

could reproduce a sauce, so a cook is 

likely to keep a prize-winning reci¬ 

pe a closely guarded secret. Chem¬ 

istry also uses formulas, but without 

any secrets. Once you know the rules, 

you can write the formula for any 

chemical compound. In this section, you 

will learn how to write the formulas for ionic 

compounds. 

Binary Ionic Compounds 
In the days before the science of chemistry developed, the person who dis¬ 

covered a new compound often named it anything he or she wished. It was 

not uncommon for the name to describe some property of the substance or 

its source. For example, a common name for potassium carbonate (K2C03) 

is potash. The name evolved because the compound was obtained by 

boiling wood ashes in iron pots. Baking soda (NaHC03) is added to batter 

to make cakes rise. Plaster of paris (CaS04 • |H20) is the name for a sub¬ 

stance used to make face masks like those shown in Figure 9.7. When 

plaster of Paris sets, it forms gypsum (CaS04 • 2H20). Unfortunately, such 

names do not tell you anything about the chemical composition of a com¬ 

pound or give you any indication about how it is related to other 

compounds. 

The French chemist Antoine-Laurent Lavoisier 

(1743-1794) determined the composition of many 

compounds in his experiments to show how chemical 

compounds form. As more and more compounds 

were identified, Lavoisier recognized that it was 

becoming impossible to memorize all the unrelated 

names of the compounds. He worked with other 

chemists to develop a systematic method for naming 

chemical compounds. Their work is the basis for 

naming compounds today. 

Figure 9.7 The ionic compound in 
these masks has the common name 

gypsum (CaS04 • 2H20). Gypsum is also 
used in wallboard. 



Nanning Binary Ionic Compounds A binary compound is composed 

of two elements and can be either ionic or molecular. If you know the for¬ 

mula for a binary ionic compound, you can write its name. First you must 

verify that the compound is composed of a monatomic metallic cation and 

a monatomic nonmetallic anion. The compound Cs20 is composed of the 

metal cesium and the nonmetal oxygen. Both cesium and oxygen are Group 

A elements, so each ion has only one charge. To name any binary ionic 

compound, place the cation name first, followed by the anion name. The 

name of Cs20, then, is cesium oxide. The name of NaBr is sodium bromide 

and the name of SrF2 is strontium fluoride. But suppose you want to name 

the binary ionic compound CuO. Following the rule above, you would name 

this compound copper oxide. However, the name copper oxide is incom¬ 

plete. Recall that copper commonly forms two cations: Cu+ and Cu2+. The 

names of these ions are copper® ion and copper(II) ion, respectively. How 

can you tell which of these cations forms the compound CuO? Working 

backward will help. The formula indicates that the copper cation and the 

oxide anion combine in a 1:1 ratio. You know that the oxide anion always has 

a 2— charge. Therefore, the charge of the copper cation must be 2+ in order 

to balance the 2- charge. The compound CuO must be copper(II) oxide. 

The formula for copper(I) oxide is Cu20. 

Table 9.2 lists the symbols and names of the common metal ions that form 

more than one ion. Recall that the charges of monatomic anions can be deter¬ 

mined from the periodic table; those of polyatomic anions are shown in Table 

9.3. Using these sources, you can write the names of SnF2 and SnS2. Tin (Sn) 

forms cations with 2+ and 4+ charges. Fluorine is a Group 7A element, so the 

charge of the fluoride ion is 1 -. In SnF2, the ratio of cation to anion is 1:2. There¬ 

fore, the charge of the tin cation must be 2+ to balance the combined 2- charge 

of two fluoride ions. The name of SnF2 is tin(II) fluoride or stannous fluoride. 

However, the name of SnS2 is not tin(II) sulfide. Sulfur is a Group 6A element, so 

its charge is 2-. The charge of the tin cation must be 4+ to balance the com¬ 

bined charges of two sulfur anions. Thus the name of SnS2 is tin(IV) sulfide or 

stannic sulfide. Figure 9.8 shows examples of uses of stannous fluoride and stan¬ 

nic sulfide. 

(V^Checkpoint) What are the charges of the two ions of copper? 

Word Origins 
Binary comes from the Latin 

word bini meaning "two by 

two" or "twofold." Binary 

compounds consist of two 

elements. Predict what a 

binary star might be and 

then check your prediction 

in the dictionary. 

Figure 9.8 Tin(ll) fluoride and 
tin(IV) sulfide have different 

compositions and uses. 
© Tin(ll) fluoride is added to 
toothpastes to prevent cavities. 

© Tin(IV) sulfide is used in 
glazes for porcelain fixtures and 

dishes. Inferring What are the 
charges on the tin ions in the 

two compounds? 



Figure 9.9 In the process for 

making steei, iron is extracted 

from hematite, an ore 
containing iron(lll) oxide. 

Applying Concepts What is 
the formula for iron(lll) oxide? 

C Go inline 
-cm>sc^ 

INKS 

For: Links on Ionic 
Compounds 

Visit: www.SciLinks.org 
Web Code: cdn-1092 

Textbook 

Simulation 9 Simulate 
combining ions and deriving 
the chemical formulas for 
several ionic compounds. 

._with ChemASAP 

Writing Formulas for Binary Ionic Compounds If you know the 

name of a binary ionic compound, you can write its formula. Write the 

symbol of the cation and then the anion. Add whatever subscripts are needed 

to balance the charges. The positive charge of the cation must balance the 

negative charge of the anion so that the net ionic charge of the formula is 

zero. The ionic compound potassium chloride is composed of potassium 

cations (K+) and chloride anions (Cl-), so potassium chloride is a binary 

ionic compound. The charge of each K+ cation is balanced by the charge of 

each Cl- anion, so in potassium chloride, the potassium and chloride ions 

combine in a 1:1 ratio. Thus the formula for potassium chloride is KC1. The 

net ionic charge of the formula unit is zero. 

The binary ionic compound calcium bromide is composed of calcium 

cations (Ca2+) and bromide anions (Br“). The two ions do not have equal 

numerical charges. Thus each calcium ion with its 2 + charge must com¬ 

bine with (or be balanced by) two bromide ions, each with a 1-- charge. 

That means that the ions must combine in a 1:2 ratio, so the formula for 

calcium bromide is CaBr2. The net ionic charge of the formula unit is zero. 

Figure 9.9 shows one step in the process of making steel from iron ore. 

Hematite, a common ore of iron, contains iron(III) oxide. What is the for¬ 

mula for this compound? Recall that a Roman numeral in the name of an 

ion shows the charge of the metal ion. Thus iron(III) oxide contains Fe3+ 

cations combined with oxide anions (02~). How can you balance a 3 + 

charge and a 2- charge? You must find the least common multiple of the 

charges, which is 6. Iron’s three charges taken two times equals six (3 X 2 

= 6). Oxygen’s two charges taken three times also equals six. Thus two 

Fe3+cations (a 6+ charge) will balance three 02_ anions (a 6- charge). The 

balanced formula, then, is Fe203. 

Another approach to writing a balanced formula for a compound is to 

use the crisscross method. In this method, the numerical value of the 

charge of each ion is crossed over and becomes the subscript for the other 

ion. Notice that the signs of the charges are dropped. 

Fe 

Fe203 

2(3+) + 3(2-) = 0 

The formula is correct because the overall charge of the formula is zero 

and the subscripts are in the lowest whole number ratio. 
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If you use the crisscross method to write the formula for some com¬ 

pounds such as calcium sulfide (Ca2+ and S2“), you will obtain the result 

Ca2S2. The 2:2 ratio of calcium and sulfide ions is not the lowest whole 

number ratio. The formula for calcium sulfide is CaS. 

Ca2S2 reduces to CaS 

1(2+) + 1(2-) = 0 

Of course, if the magnitudes of the charges of the cation and anion are 

the same, as they are in this case, the ions combine in a 1:1 ratio and the 

charges are balanced. 

(^Checkpoint) Explain why the formula CaS is correct. 

Writing Formulas for Binary Ionic Compounds 

Write formulas for these binary ionic compounds. 

a. copper(II) sulfide, shown in the photo 

b. potassium nitride 

Analyze Identify the relevant concepts. 

Binary ionic compounds are composed of a mon¬ 

atomic cation and a monatomic anion. The ionic 

charges in an ionic compound must balance (add 

up to zero), and the ions must be in the lowest 

whole number ratio. The symbol for the cation 

appears first in the formula for the compound. 

Solve Apply concepts to this situation. 

Write the symbol and charge for each ion in each 

compound. 

a. Cu2+ and S2" b. K+ and N3~ 

Balance the formula using appropriate 

subscripts. 

K3N 

The ions are in the lowest whole number 

ratio, and the net ionic charge is zero: 

1(2+) + 1(2-) = 0 and 3(1+) + 1(3-) = 0. 

Practice Problems 

10. Write formulas for compounds formed from 

these pairs of ions. 

a. Ba2+, S2- b. Li+, O2- 

c. Ca2+, N3“ d. Cu2+, T 

11. Write formulas for these compounds. 

a. sodium iodide b. stannous chloride 

c. potassium sulfide d. calcium iodide 

Textbook 

Problem-Solving 9.11 Solve 
Problem 11 with the help of an 
interactive guided tutorial. 

-■ with ChemASAP 
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Figure 9.10 Some examples of 
ionic compounds containing 
polyatomic ions are shown. 

0 Oysters produce calcium 
carbonate to form their shells 

and sometimes pearls. 

© Lead(ll) sulfate is an important 
component of an automobile 

battery. Q Compounds such as 

ammonium sulfate or 
ammonium phosphate are 
common fertilizers. 

Compounds with Polyatomic Ions 
The pearl and the oyster shell shown in Figure 9.10 are both made of cal¬ 

cium carbonate (CaC03). Calcium carbonate is obviously not a binary com¬ 

pound because it contains more than two elements. Remember that an -ate 

or -ite ending on the name of a compound indicates that the compound 

contains a polyatomic anion that includes oxygen. This compound 

contains one monatomic ion (Ca2+) and one polyatomic ion (C032-). 

Figure 9.10 also shows a typical automobile battery called a lead storage 

battery. The energy-producing reaction inside the battery uses the ionic 

compound lead(II) sulfate (PbS04), which consists of the monatomic ion 

Pb2+ and the polyatomic ion S042-. The fertilizer mixture also shown in the 

illustration could have been produced from such compounds as potassium 

hydrogen phosphate (K2F1P04), potassium sulfate (K2S04), or sodium 

nitrate (NaN03). Each contains a polyatomic anion. Flow would you write 

the formula for an ionic compound with a polyatomic ion? You would do 

what you did for binary ionic compounds. Write the symbol for the 

cation followed by the formula for the polyatomic ion and balance the 

charges. For example, calcium nitrate is composed of a calcium cation 

(Ca2+) and a polyatomic nitrate anion (N03“). In calcium nitrate, two 

nitrate anions, each with a 1 - charge, are needed to balance the 2+ charge 

of each calcium cation. 

KNOajg- 

Ca(N03)2 

1(2+) + 2(1-) = 0 

The charge is balanced and the ions are in the lowest whole number 

ratio, so the formula is correct. Parentheses are used around the nitrate ion 

in the formula because more than one nitrate anion is needed. The sub¬ 

script 2 that follows the parentheses shows that the compound contains 

two nitrate anions. Use parentheses to set off the polyatomic ion in a for¬ 

mula only when the compound contains more than one polyatomic ion. 

The formula for strontium sulfate, SrS04, has no parentheses because one 

polyatomic sulfate anion balances the charge of the strontium cation. 

ffi^Checkpoint) When are parentheses used in a formula containing a 

polyatomic ion? 
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Lithium carbonate is a compound composed of lithium cations (Li+) 

and polyatomic carbonate anions (C032-). 

Li2C03 

In lithium carbonate, two lithium cations, each with a 1 + charge, are 

needed to balance the 2- charge of one carbonate anion. Parentheses are 

not needed to set off the polyatomic carbonate anion. Lithium carbonate 

can be prescribed for patients who have mood disorders, such as manic- 

depressive or bipolar disorder. A person with bipolar disorder experiences 

distressing mood swings, from elation to depression and back again. 

The exact mechanism is not known, but lithium ions may exert a mood- 

stabilizing effect on neurotransmission. Neurotransmission is the process 

by which "messages” are sent and received between nerve cells, including 

those in the brain. 

CONCEPTUAL PROBLEM 9.3 

Writing Formulas for Compounds with 
Polyatomic Ions 

What are the formulas for these ionic compounds? 

a. magnesium hydroxide, shown in the photo as 

milk of magnesia 

b. potassium sulfate 

Q Analyze Identify the relevant concepts. 

Write the formula for each ion in the order 

listed in the name. Use subscripts to balance 

the charges. If more than one polyatomic ion is 

needed to balance a formula, place the poly¬ 

atomic ion formula in parentheses, followed 

by a subscript showing the number needed. 

Solve Apply concepts to this situation. 

*' MgS^X® 
Mg(OH)2 

Two hydroxide anions with 1 - charges 

are needed to balance the 2+ charge on one 

magnesium cation. The formula for magne¬ 

sium hydroxide must make use of paren¬ 

theses. 

K2S04 

Two potassium cations with 1 + charges 

are needed to balance the 2- charge on one 

sulfate anion. The formula for potassium 

sulfate is K2S04. 

Practice Problems 

12. Write formulas for compounds formed from these 

pairs of ions. 

a. NH4+, S032“ 

b. calcium ion, phosphate ion 

13. Write formulas for these compounds. 

a. lithium hydrogen sulfate 

b. chromium(III) nitrite 

^ jfeteractive 
^ Textbook 
Problem-Solving 9.12 Solve 
Problem 12 with the help of 
an interactive guided tutorial. 

__with Chem ASAP 
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Figure 9.11 Sodium 

hypochlorite (NaCIO) is often 
added to the water in swimming 
pools to prevent bacteria from 

exceeding safe levels. 

Naming Compounds with Polyatomic Ions You have learned to 

write formulas for compounds containing polyatomic ions when you were 

given their names. Now, if you were given the formulas for these com¬ 

pounds, could you name them? When naming compounds containing 

polyatomic ions, follow these guidelines. First, recognize that the com¬ 

pound contains a polyatomic ion. If the ion is unfamiliar, find its name in 

Table 9.3. How would you name the compound LiCN? You could easily 

think that this compound is composed of individual atoms of lithium, car¬ 

bon, and nitrogen. But you know that lithium is a Group 1A element and 

that this group forms 1 + ions. In addition, carbon is a Group 4A element 

that does not form a monatomic ion. From this you might suspect that the 

carbon and nitrogen atoms are part of a polyatomic ion with a 1 - charge. 

Table 9.3 confirms your conclusion and tells you that the ion’s name is cya¬ 

nide ion. To name a compound containing a polyatomic ion, state 

the cation first and then the anion just as you did in naming binary ionic 

compounds. The name of LiCN is lithium cyanide. 

The compound NaCIO is used as a bleach and a disinfectant for swim¬ 

ming pools, as shown in Figure 9.11. The metallic cation in this compound 

is sodium (Na+), a Group IA element that forms 1+ cations. The poly¬ 

atomic ion must be CIO-. This ion is called hypochlorite ion, so the name 

for NaCIO is sodium hypochlorite. 

Some ionic compounds containing polyatomic ions do not include a 

metal cation. Instead, the cation may be the polyatomic ammonium ion 

(NH4+). What is the name of (NH4)2C204? The ammonium cation has a 

charge of 1+. The anion must have a charge of 2- to balance the combined 

2+ charge of two ammonium ions. Table 9.3 shows that the name of the 

anion C2042- is oxalate ion, so (NH4)2C204 is named ammonium oxalate. 

9.2 Section Assessment 

14. Key Concept Describe how to determine the 

names of binary ionic compounds. 

15. Key Concept Describe how to write the for¬ 

mulas for binary ionic compounds. 

16. Key Concept How do you write the formulas 

and the names of compounds with polyatomic 

ions? 

17. Write the formula for these binary compounds. 

a. beryllium chloride 

b. cesium sulfide 

c. sodium iodide 

d. strontium oxide 

18. Write the formula for these compounds contain¬ 

ing polyatomic ions. 

a. chromium(III) nitrite 

b. sodium perchlorate 

c. magnesium hydrogen carbonate 

d. calcium acetate 

19. Identify any incorrect formulas. Explain your 

answer. 

a. Mg2(S04)3 b. Rb3As 

c. BeCl3 d. NaF 

Writing Activity 

Report Investigate the role of lithium carbonate in 
the successful treatment of bipolar disorder. Write a 

brief report that includes information on bipolar 
disorder and why lithium carbonate is used to treat it. 

e 

r Ateractlve 
^ Textbook 

Assessment 9.2 Test yourself on 
the concepts in Section 9.2. 

>_with ChemASAP 

266 Chapter 9 



LAB 

Names and Formulas for Ionic Compounds 
Purpose 
To observe the formation of compounds, and to write 

their names and formulas. 

Materials 
• pencil 

• paper 

• ruler 

• reaction surface 

• chemicals shown in Figure A 

You're The Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Analyze It! Repeat the experiment, using the chemi¬ 

cals in Figure B. Identify the precipitates, write their 

formulas, and name them. 

2. Explain It! In ionic equations, the precipitate is written 

to the right of an arrow, and the ions that produced 

it are written to the left. Write ionic equations for the 

precipitates formed from the reactions related to 

Figure B\ For example: 

2Ag+ + C032^-> Ag2C03 

Procedure IP fa) gjj 
On separate sheets of paper, draw two grids similar to 

Figure A. Make each square 2 cm on each side. Draw black 

Xs on one of the grids. Use the other grid as a data table to 

record your observations. Place a reaction surface over the 

grid with black Xs and add the chemicals as shown in 

Figure A. 

Analyze 
Using your experimental data, record the answers to the 

following questions below your data table. 

1. Describe each precipitate (solid product) that forms. 

Use terms such as milky, grainy, cloudy, or gelatinous. 

Which mixture(s) did not form a precipitate? 

2. Write the formulas and names of the chemical com¬ 

pounds produced in the mixings. 

AgN03 Pb(N03)2 CaCI2 

(Ag + ) (Pb2+) (Ca2+) 

l\la2C03 

(co32-) 

Na,PO, 

(po43-) 

NaOH 

(OH-) 

Na2S04 

(S042“) 

a e 

b 

■nVV 

' 

erep 

j 

CE 
c k 

d h 1 

Figure A 
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CuS04 

(Cu2+) 
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(co32-) 
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b 
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i 

nW 

' 

i 

CE 

NaOH 

(OH-) 

c k 

Na2S04 

(S042-) 
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Figure B .J 
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Naming and Writing Formulas for 
Molecular Compounds 

Connecting to Your World Go|d was one of the flrst metals 

Guide for Reading 

(J Key Concepts 
• What does a prefix in the name 

of a binary molecular 

compound tell you about the 

compound's composition? 

• How do you write the formula 

for a binary molecular 

compound? 

Reading Strategy 
Monitoring Your Understanding 
Before you read, preview the Key 

Concepts, the headings, the bold¬ 

faced sentences, and the visuals. 

List two things you expect to 

learn. After reading, state what 

you learned about each item 

you listed. 

to attract human attention. When gold was discovered in California in 

late 1840s, people from all over the world came 

to find it and make their fortune.Today, 

gold is still greatly prized and valued. 

Whereas one milligram of gold is 

worth only about one cent, one 

kilogram of gold is worth approx¬ 

imately $12,500. In this case, 

using the correct prefix (milli- or 

kilo-) makes quite a difference! 

Prefixes are important in chemistry, 

too. In this section, you will learn how 

prefixes in the name of a binary molecular 

compound tell you its composition. 

the 

Naming Binary Molecular Compounds 
Recall that binary ionic compounds are composed of the ions of two 

elements, a metal and a nonmetal. Binary molecular compounds are also 

composed of two elements, but both elements are nonmetals and they are 

not ions. These differences affect the naming of these compounds and their 

formulas. Binary molecular compounds are composed of molecules, not 

ions, so ionic charges cannot be used to write formulas or to name them. 

In addition, when two nonmetallic elements combine, they often do so in 

more than one way. For example, the elements carbon and oxygen 

combine to form two invisible gaseous compounds, CO and C02. CO is 

illustrated in Figure 9.12. Howwould you name a binary compound formed 

by the combination of carbon and oxygen atoms? It might seem satisfac¬ 

tory to call it carbon oxide. However, the two carbon oxides, CO and C02, 

are very different compounds. Sitting in a room with small amounts of the 

carbon oxide C02 in the air would not present any problems. You exhale 

C02 as a product of your body chemistry. Thus it is normally present in the 

air you breathe. On the other hand, if the same amount of the other carbon 

oxide, CO, were in the room, you could die of asphyxiation. The binary 

compound CO is a poisonous gas that interferes with your blood’s ability to 

carry oxygen to body cells. Obviously, a naming system that distinguishes 

between these two compounds is needed. 
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Table 9.4 

Prefixes Used in Naming Binary Molecular Compounds 

Prefix Mono- Di- Tri- Tetra- Penta- Hexa- Hepta- Octa- Nona- Deca- 

Number 1 2 3 4 5 
-i 

6 7 8 9 10 

Prefixes in the masses of gold samples distinguish between large and 

small samples. Prefixes in the names of binary molecular compounds 

help distinguish compounds containing different numbers of atoms. 

A prefix in the name of a binary molecular compound tells how many 

atoms of an element are present in each molecule of the compound. Table 9.4 

lists the prefixes used to name binary molecular compounds. According to 

the table, the prefix mono- indicates the presence of one oxygen atom in 

CO. The prefix di- indicates the presence of the two oxygen atoms in C02. 

The two compounds of carbon and oxygen, CO and C02, are thus named 

carbon monoxide and carbon dioxide, respectively. Laughing gas is the 

common name for the gaseous compound dinitrogen monoxide (N20), 

which is used as an anesthetic. When inhaled, N20 tends to make people 

laugh. Notice that the second element in the name ends with -ide. The 

names of all binary molecular compounds end in -ide. Also note that the 

vowel at the end of a prefix is sometimes dropped when the name of the 

element begins with a vowel. For CO, you would write carbon monoxide, 

not carbon monooxide. If just one atom of the first element is in the for¬ 

mula, omit the prefix mono- for that element. 

Here are some guidelines for naming binary molecular compounds. 

First, confirm that the compound is a binary molecular compound—that 

is, a compound composed of two nonmetals. The name must identify the 

elements in the molecule and indicate the number of each atom of each 

element. Name the elements in the order listed in the formula. Use prefixes 

to indicate the number of each kind of atom. Omit the prefix mono- when 

the formula contains only one atom of the first element in the name. The 

suffix of the name of the second element is -ide. Now, apply these guide¬ 

lines to naming N20. The formula shows that the compound consists of 

two nonmetals, so it is a binary molecular compound. Two atoms of nitro¬ 

gen are combined with one atom of oxygen. Thus the prefix of nitrogen is 

di- and the prefix of oxygen is mono-. The name of the compound is dini¬ 

trogen monoxide. Using the same guidelines, the name of SF6 is sulfur 

hexafluoride. Notice that it is not necessary to use the prefix mono- before 

sulfur. What about the compound C1208? This binary molecular compound 

consists of two chlorine atoms (prefix di-) and eight oxygen atoms (prefix 

octa-). The name is dichlorine octoxide. 

(^Checkpoint) What suffix ends the names of all binary molecular 

compounds? 

***SC/,NKS 

For: Links on Carbon 
Monoxide 

Visit: www.SciLinks.org 
Web Code: cdn-1093 

Figure 9.12 Carbon 

monoxide is an invisible, 
gaseous compound of carbon 
and oxygen. It is a toxic 

product of incomplete 
burning, such as occurs in 

automobile engines and faulty 
furnaces. 
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Figure 9.13 A grinding wheel 
made of silicon carbide (SiC) 
can shape even the toughest 
materials. Inferring What 

causes the sparks? 

Writing Formulas for Binary Molecular 
Compounds 
Suppose you know the name of a molecular compound and want to write the 

formula. Use the prefixes in the name to tell you the subscript of each 

element in the formula. Then write the correct symbols for the two elements 

with the appropriate subscripts. A simple example is silicon carbide. Silicon 

carbide is a hard material like diamond. It is used as an abrasive and for cutting 

and grinding, as shown in Figure 9.13. The name silicon carbide has no pre¬ 

fixes, so the subscripts of silicon and carbon must be one. Thus the formula for 

silicon carbide is SiC. The name of another binary molecular compound is dini¬ 

trogen tetroxide. The prefix di- before nitrogen tells you that the compound 

contains two nitrogen atoms; the prefix tetra- tells you that the molecule also 

contains four oxygen atoms. Thus the formula for dinitrogen tetroxide is N204. 

9.3 Section Assessment 

20. Key Concept What information do prefixes in 

the name of a binary molecular compound tell 

you about the composition of the compound? 

21. Kev Concept Describe how to write the for¬ 

mula of a binary molecular compound. 

22. Write the names for these molecular compounds, 

a. NC13 b. BC13 c. NI3 

d. S03 e. N2H4 f. N203 

23. Write the formulas or names for these molecular 

compounds. 

a. CS2 b. carbon tetrabromide 

c. C1207 d. diphosphorus trioxide 

24. Write the formulas for these binary molecular 

compounds. 

a. phosphorus pentachloride 

b. iodine heptafluoride 

c. chlorine trifluoride 

d. iodine dioxide 

25. The name a student gives for the molecular 

compound SiCl4 is monosilicon trichloride. Is 

this name correct? Explain. 

Connecting N Concepts 

Covalent Bonds In Section 8.1, you learned about 

covalent bonds. Are the bonds between silicon and 
chlorine in silicon tetrachloride (SiCI4) single bonds? 

Justify your answer by drawing an electron dot struc¬ 
ture of silicon tetrachloride. 

pieraciH 
Textbook 

Assessment 9.3 Test yourself 
on the concepts in Section 9.3. 

with ChemASAP 
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Naming and Writing Formulas for 
Acids and Bases 

Connecting to Your World c ♦ . , , 
^ Some ants can give painful 

stings when threatened or disturbed. Certain ant species called 

formicines have poison glands that produce venom containing formic 

acid. Formicines protect themselves by spraying 

this venom on their predators. Formic acid 

can stun or even kill the ants' most com¬ 

mon enemies. A formicine attack on a 

human, however, is much less severe. 

The contact of formic acid with the 

skin usually results only in blistering. 

In this section, you will learn the names 

and formulas of some important acids 

such as formic acid. 

Naming Acids 
Acids are a group of ionic compounds with unique properties. As you will 

see in Chapter 19, acids can be defined in several ways. For now, it is 

enough to know that an acid is a compound that contains one or more 

hydrogen atoms and produces hydrogen ions (H+) when dissolved in 

water. Acids have various uses, one of which is shown in Figure 9.14. When 

naming an acid, you can consider the acid to consist of an anion combined 

with as many hydrogen ions as are needed to make the molecule" electri¬ 

cally neutral. Therefore, the chemical formulas of acids are in the general 

form FlnX where X is a monatomic or polyatomic anion and n is a subscript 

indicating the number of hydrogen ions that are combined with the anion. 

Guide for Reading 

<^ Key Concepts 
• What are the three rules for 

naming acids? 

• How are the formulas of acids 

determined? 

• How are bases named? 

Vocabulary 
acid 

base 

Reading Strategy 
Comparing and Contrasting 
When you compare and contrast 

things, you examine how they are 

alike and how they are different. 

After you have read this section, 

list similarities and differences 

between acids and bases and 

how they are named. 

Figure 9.14 To create designs 
such as this on glass, the glass 

is first coated with wax and the 
design is drawn through the 
wax. When the glass is dipped 
into hydrofluoric acid (HF), the 

acid etches (eats away) the 
glass wherever the wax has 
been removed. 
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Anion 
ending Example Acid name Example 

-ide chloride, Cl“ hydro-(siem)-ic acid hydrochloric acid 

-ite sulf/'fe, S032” (stem)-ous acid sulfurous acid 

-ate nitrate, N03~ (stem)-/'c acid nitr/'c acid 

For: Links on Acids 

Visit: www.SciLinks.org 

Web Code: cdn-1094 

Three rules can help you name an acid with the general formula HnX. Read 

the rules and the examples carefully. Notice that the naming system 

depends on the name of the anion. Each of the rules deals with an anion 

with a different suffix: - ide, -ite, and -ate. 

1. When the name of the anion (X) ends in -ide, the acid name 

begins with the prefix hydro-. The stem of the anion has the suffix -ic 

and is followed by the word acid. Therefore, HCl(aq) (X = chloride) is 

named hydrochloric acid. U2S(aq) (X = sulfide) is named hydrosrrlfuric 

acid. 

2. When the anion name ends in -ite, the acid name is the stem of 

the anion with the suffix -ous, followed by the word acid. Thus H2S03 

(.aq) (X = sulfite) is named sulfurous acid. 

3. When the anion name ends in -ate, the acid name is the stem of 

the anion with the suffix-ic followed by the word acid. Thus HN03(a<:/) 

(X = nitrate) is named nitric acid. 

The three rules are summarized in Table 9.5. Use the table to help you 

write acid names until you become an expert. 

Table 9.6 ^ 

Common Acids 

Name Formula 

Hydrochloric acid HCI 

Sulfuric acid h2so4 

Nitric acid hno3 

Acetic acid ch3cooh 

Phosphoric acid h3po4 

Carbonic acid h2co3 

Writing Formulas for Acids 
If you know the name of an acid, you can write its formula. Use the 

rules for writing the names of acids in reverse to write the formulas 

for acids. For example, what is the formula of hydrobromic acid? Following 

Rule 1, hydrobromic acid (hydro- prefix and -ic suffix) must be a combina¬ 

tion of hydrogen ion (H+) and bromide ion (Br“). The formula of hydrobro¬ 

mic acid is HBr. How do you write the formula for phosphorous acid? Using 

Rule 2, hydrogen ion and phosphite ion (P033-) must be the components 

of phosphorous acid. The formula of phosphorous acid is H3P03. [Note: Do 

not confuse phosphorous with phosphorus, the element name.) Finally, 

what is the formula for formic acid, the defensive weapon of the ants you 

read about in Connecting to Your World? According to Rule 3, formic acid 

[-ic ending) must be a combination of hydrogen ion (H+) and formate ion 

(HCOO“). The formula for formic acid is HCOOH. 

Many industrial processes, including steel and fertilizer manufactur¬ 

ing, use acids. In the laboratory, you will regularly use a few common acids 

such as those listed in Table 9.6. You should become familiar with their 

names and formulas. 

(^Checkpoint) When does an acid name begin with the prefix hydro-? 

272 Chapter 9 



Names and Formulas for Bases 
Another group of ionic compounds is the bases. A base is an ionic com¬ 

pound that produces hydroxide ions when dissolved in water. Bases 

are named in die same way as other ionic compounds—the name of the cat¬ 

ion is followed by the name of the anion. For example, sodium hydroxide 

(NaOH) is a base used in making paper, cleaners, and soap, as shown in Fig¬ 

ure 9.15. To write the formulas for bases, write the symbol for the metal cat¬ 

ion followed by the formula for the hydroxide ion. Balance the ionic 

charges just as you do for any ionic compound. For example, aluminum 

hydroxide consists of the aluminum cation (Al3+) and the hydroxide anion 

(OH-). You need three hydroxide ions to balance the 3+ charge of the alu¬ 

minum cation. Thus the formula for aluminum hydroxide is Al(OH)3. 

Figure 9.15 Sodium hydroxide 

is an important industrial and 
consumer product. © Recycled 

paper and wood are digested 
with NaOH to make pulp in the 

first step in making paper. 
© Cleaners containing NaOH cut 

through heavy grease. © An 
important use of sodium 

hydroxide is in making soap. 
Inferring Why is the woman in 

the second photo wearing 

gloves? 

9.4 Section Assessment 

26. Key Concept List the rules for naming acids. 

27. Key Concept How are the formulas for acids 

determined? 

28. Key Concept How are bases named? 

29. Give the names of these acids, 

a. HN02 b. HMn04 

c. HCN d. H2S 

30. Write the names of these bases, 

a. LiOH b. Pb(OH)2 

c. Mg(OH)2 d. Al(OH)3 

31. Identify each compound as an acid or a base, 

a. Ba(OH)2 b. HC104 

c. Fe(OH)3 d. KOH 

32. Write the formulas for these compounds. 

a. carbonic acid 

b. sulfurous acid 

c. iron(III) hydroxide 

d. strontium hydroxide 

33. What element generally appears in the formula 

of an acid? What ion generally appears in the 

formula of a base? 

Handbook 

Sulfuric Acid Sulfuric acid is important to our econ¬ 

omy. Refer to page R30 to learn more about H2S04. 

Write a short report summarizing what you learn. 

Textbook 
Assessment 9.4 Test yourself 
on the concepts in Section 9.4. 

.with ChemASAP 
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9.5 The Laws Governing Formulas and Names 
-■ 

Guide for Reading 

Key Concepts 
® What are the two laws that 

describe how compounds form? 

• How do you use a flowchart to 

write the name of a chemical 

compound? 

• What four guidelines should 

you follow to write the formula 

of a chemical compound? 

Vocabulary 
law of definite proportions 

law of multiple proportions 

Reading Strategy 
Relating Text and Visuals As 

you read, use Figure 9.20 and 

Figure 9.22 to help you become 

thoroughly familiar with writing 

the names and formulas for chem¬ 

ical compounds. 

Figure 9.16 Water and 
hydrogen peroxide contain 

the same two elements, but 

they have different properties. 
© Water does not bleach 

dyes. © Hydrogen peroxide is 
a bleach. 

Connecting to Your World A birthday cake for a four year. 

old has four candles.The ratio of candles to birthday cake is 4:1. A sixteen- 

year-old's birthday cake has 16 candles.The 

ratio of candles to cake is also a whole 

number ratio, 16:1. Is there a whole 

number ratio between the numbers 

of candles on one cake at two diffe¬ 

rent birthdays? For the sixteenth and 

fourth birthdays, the ratio is 16:4 or 

4:1. In chemistry, similar relationships 

exist among the masses of elements as 

they combine in compounds. 

The Laws of Definite and 
Multiple Proportions 
The rules for naming and writing formulas for compounds are possible 

only because compounds form from the elements in predictable ways. 

<T^> These ways are summed up in two laws: the law of definite propor¬ 

tions and the law of multiple proportions. 

The Law of Definite Proportions A chemical formula tells you, by 

means of subscripts, the ratio of atoms of each element in the compound. 

Ratios of atoms can also be expressed as ratios of masses. Magnesium sul¬ 

fide (MgS) is composed of magnesium cations and sulfide anions. If you 

could take 100.00 g of magnesium sulfide and break it down into its ele¬ 

ments, you will obtain 43.13 g of magnesium and 56.87 g of sulfur. The Mg:S 

ratio of these masses is 43.13/56.87 or 0.758:1. This mass ratio does not 

change no matter how the magnesium sulfide is formed or the size of the 

sample. Magnesium sulfide illustrates the law of definite proportions, 

which states that in samples of any chemical compound , the masses of the 

elements are always in the same proportions. Because atoms combine in 

simple whole-number ratios, it follows that their proportions by mass must 

always be the same. 

The Law of Multiple Proportions Figure 9.16 shows two compounds, 

water (H20) and hydrogen peroxide (H202). Although these compounds are 

formed by the same two elements, they have different physical and chemi¬ 

cal properties. Each compound obeys the law of definite proportions. In 

every sample of hydrogen peroxide, 16.0 g of oxygen are present for each 

1.0 g of hydrogen. The mass ratio of oxygen to hydrogen is always 16:1. In 

every sample of water, the mass ratio of oxygen to hydrogen is always 8:1. If 

a sample of hydrogen peroxide has the same mass of hydrogen as a sample 

of water, the ratio of the mass of oxygen in the two compounds is exactly 2:1. 

16 g O (in H202 sample that has 1 g H) 10 2 

8 g O (in H20 sample that has lgH) 8 ~ \ ~ 21 
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Using the results from studies of this kind, John Dalton stated the law 

of multiple proportions: Whenever the same two elements form more than 

one compound, the different masses of one element that combine with the 

same mass of the other element are in the ratio of small whole numbers. 

Figure 9.17 illustrates the law of multiple proportions. 

SAMPLE PROBLEM 9.1 

Calculating Mass Ratios 

Carbon reacts with oxygen to form two compounds. Compound A con¬ 

tains 2.41 g of carbon for each 3.22 g of oxygen. Compound B contains 

6.71 g of carbon for each 17.9 g of oxygen. What is the lowest whole 

number mass ratio of carbon that combines with a given mass of oxygen? 

ID Analyze List the knowns and the unknown. 

Knowns 

• Compound A = 2.41 g C and 3.22 g O 

• Compound B = 6.71 g C and 17.9 g O 

Unknown 

• Lowest whole number ratio of carbon per gram of oxygen in the two 

compounds = ? 

Apply the law of multiple proportions to the two compounds. For each 

compound, find the grams of carbon that combine with 1.00 g of 

oxygen by dividing the mass of carbon by the mass of oxygen. Then 

find the ratio of the masses of carbon in the two compounds by 

dividing the larger value by the smaller. Confirm that the ratio is the 

lowest whole number ratio. 

Calculate Solve for the unknown. 

2.41 gC 0.748 gC 
•Compound A — 

'Compound B 

3.22 gO 

6.71 gC 

1.00 gO 

0.375 g C 

17.9 gO 1.00 gO 

Compare the masses of carbon per gram of oxygen in the compounds. 

0.748 gC (in compound A) = L99 = , , 2 = 9., 
0.375 g C (in compound B) 1 fill 

The mass ratio of carbon per gram of oxygen in the two compounds is 2:1. 

Evaluate Does the result make sense? 

The ratio is a low whole number ratio, as expected. For a given mass of 

oxygen, compound A contains twice the mass of carbon as compound B. 

Practice Problems 

34. Lead forms two compounds 

with oxygen. One contains 

2.98 g of lead and 0.461 g of 

oxygen. The other contains 

9.89 g of lead and 0.763 g of 

oxygen. For a given mass of 

oxygen, what is the lowest 

whole number mass ratio of 

lead in the two compounds? 

Compound X 

A + B = X 

5g 2g 7g 

Compound Y 

A + B = 

10g 2g I2g 

Figure 9.17 The diagram 
illustrates the law of multiple 

proportions. Two compounds, X 

and Y, contain equal masses of 
element B. The ratio of the masses 

of A in these compounds is 5:10 
or 1:2 (a small whole number 
ratio). Applying Concepts 
Would the ratio be different if 

samples ofX and Y contained 
3 g ofB? 

Handbook 

For help with using a 
calculator go to page R62. 

Problem-Solving 9.34 Solve 
Problem 34 with the help of an 
interactive guided tutorial. 

_with ChemASAP 
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Figure 9.18 If someone ingests 

a poison, the poison control 

center can provide information 
about what immediate action to 
take. Inferring What informa¬ 

tion about the poison would be 
most helpful to the center? 

Figure 9.19 A variety of 
compounds create a colorful 
display of clay in the Gay Head 

cliffs on the island of Martha's 

Vineyard. Each colored compound 
can be named by the methods 
you are learning if you know the 

compound's formula. 

Practicing Skills: Naming Chemical 
Compounds 
In the average home, you can probably find hundreds of chemicals, includ¬ 

ing cleaning products, drugs, and pesticides. Figure 9.18 shows a typical 

warning label on a product that tells about its possible dangers. Most peo¬ 

ple would not know what to do if some of these chemicals accidentally 

mixed together and began to react or if a small child ingested one. A phone 

call to a poison control center can provide lifesaving information to victims 

of such poisonings. But a poison control center can be much more effective 

if the caller can supply some information about the name or formula of the 

substance. 

In this chapter, you learned two basic skills that could help you to deal 

with an emergency involving chemicals: writing chemical formulas and 

naming chemical compounds. If this is the first time you have tried to mas¬ 

ter these skills, you may feel a little overwhelmed. For example, you may 

find it difficult to know when you should or should not use prefixes and 

Roman numerals in a name. Or you may have trouble determining if a 

compound’s name should end in -ate, -ide, or -ite. The flowchart in Figure 

9.20 provides you with a sequence of questions for naming a compound 

when you know its formula. Follow the arrows and answer the ques¬ 

tions on the flowchart to write the correct name for a compound. The 

sequence of questions can help you name chemicals you may have in your 

home as well as the colorful compounds that create the picturesque land¬ 

scape of Gay Head, Massachusetts shown in Figure 9.19. 

The flowchart shows the routes to the names of several compounds: 

HN03, N203, BaS, Li2C03, CuS04, and FeCl2. Apply the general formula QxRy 

to each compound. Q and R can be atoms, monatomic ions, or polyatomic 

ions. For example, to name HN03, let H = Q and N03 = R. Follow the first 

arrow down to the question Q = H? The answer is yes, so the arrow to the 

right tells you that the compound is an acid. You can then follow the rules 

for naming acids. HN03 is nitric acid. 

To name N203, let Q = N and R = 0. The answer to the question Q = H? 

is no, so follow the arrow down. Does the compound have more than two 

elements? The answer is no, so follow the arrow to the left. The compound 

is binary and its name ends in -ide. Is Q a metal? The answer is no, so you 

must use prefixes in the name, which is dmitrogen m'oxide. 
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Figure 9.20 This flowchart will 
help you name chemical 

compounds. Begin with the 

letters Q and R in the general 
formula QxRy. Q and R can be 

atoms, monatomic ions, or 
polyatomic ions. 

QxRy 

1 
Q = H? 

Compound is an acid. 
(HN03, nitric acid) 

Compound is 
binary; name 
ends in -ide. 

Compound contains 
a polyatomic ion; 
name generally ends 
in -ite or -ate. 

Compound is binary 
molecular; use 

prefixes in the name. 
(N203, dinitrogen trioxide) 

Name the ions. 
(Li2C03, lithium 

carbonate) 

Name the ions; use 
a Roman numeral 

with the cation. 
(CuS04, copper!11) sulfate) 

Q 

Name the ions. Name the ions; use a 
(BaS, barium sulfide) Roman numeral with the cation. 

(FeCI2, iron(ll) chloride) 

Another example shown on the flowchart is CuS04. In this case, Q = Cu 

and R = S04. Q does not equal H. The compound does have more than two 

elements, so it contains a polyatomic ion. Thus you should expect that the 

name will end in -ite or -ate. The answer to the next question, Q = Group A? 

is no, so you must name the ions and use a Roman numeral to identify the 

charge of the transition metal. The name is copper(II) sulfate. A sample of 

copper(II) sulfate is shown in Figure 9.21. Practice with the other com¬ 

pounds listed above, and then use the flowchart when doing naming 

exercises. Soon you won’t need it anymore. 

^fcheckpoint) Identify Q and R in the compound MgS04. 

Figure 9.21 Blue copper(ll) sulfate contains 
water in its crystal structure. When it is heated, it 
loses water and turns white. When the white solid 

absorbs water, it turns blue again. 
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Practicing Skills: Writing Chemical Formulas 
In writing a chemical formula from a chemical name, it is helpful to 

remember the following guidelines. 

1. An -ide ending generally indicates a binary compound. 

2. An -ite or -ate ending means a polyatomic ion that includes oxy¬ 

gen is in the formula. 

3. Prefixes in a name generally indicate that the compound is 

molecular. 

4. A Roman numeral after the name of a cation shows the ionic 

charge of the cation. 

These guidelines and the questions in the flowchart in Figure 9.22 will 

help you write the formula for a compound when you know its name. For 

example, use the flowchart to write the formula for sodium chromate. The 

name does not contain prefixes, so it is ionic. The ions are sodium ion and 

chromate ion. Follow the arrows to the right and left. Sodium is a Group A 

element, so use the periodic table or Table 9.1 to obtain its ionic charge 

(1+). Chromate ion is a polyatomic ion, so use Table 9.3 to obtain its 

charge (2-). Balance the charges to obtain the formula Na2Cr04. Practice 

formula writing using the flowchart until you don’t need it anymore. 

Figure 9.22 This flowchart 
will help you write a chemical 
formula when given a 
chemical name. Interpreting 
Illustrations What are the two 
types of chemical compounds 
whose formulas you can write 
using this flowchart? 

Name of Compound 

Contains 
prefixes? 

Ionic compound 

(Molecular 
compound 

Use prefixes to 
write formula. 

Identify symbols. 

Use Table 9.1 Give charges Use Table 9.3 
for charges. for cations. for charges. 

Balance 
charges 

Use crisscross method. Add 
parentheses for any multiple 

polyatomic ions. 
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Making Ionic Compounds 

Purpose 
To mix solutions containing cations and anions to make 

ionic compounds. 

Materials 
• 9 small test tubes 

• test tube rack 

• paper, pencil, ruler 

• 6 solutions in plastic dropper bottles containing the 

following ions: 

Solution A (Fe3+ ion) Solution X (C032^ ion) 

Solution B (Ag+ ion) Solution Y (OFT ion) 

Solution C (Pb2+ ion) Solution Z (P043- ion) 

Procedure ^ (Si HI Q rt Q 

1. Label three test tubes A, three test tubes B, and three 

test tubes C. 

2. Add 10 drops (approximately 0.5 mL) of solutions A, B, 

and C to appropriately labeled test tubes. 

4. Make a 3-by-3 inch grid in which to record your obser¬ 

vations. Label the rows A, B, and C. Label the columns 

X,Y,and Z. Describe any solid material you observe. 

5. Repeat Step 3, adding 10 drops of solution Y to test 

tubes A, B, and C. Record your observations. 

6. Repeat Step 3, adding 10 drops of solution Z to test 

tubes A, B, and C. Record your observations. 

Analyze and Conclude 

1. Some ionic compounds are insoluble (do not dissolve 

in water). Explain what you observed. 

2. Write the formula for each ionic compound formed. 

3. Add 10 drops of solution X to one test tube of A, 10 

drops to one test tube of B, and 10 drops to one test 

tube of C. Observe each for the formation of a solid. 

3. Name each ionic compound formed. 

4. Will mixing any cation with any anion always lead to the 

formation of an insoluble ionic compound? Explain. 

9.5 Section Assessment 

35. Key Concept What two laws describe how 

chemical compounds form? 

36. Key Concept How should you use a flowchart 

to name a chemical compound? 

37. Key Concept What are four guidelines for 

writing the formulas of chemical compounds? 

38. Two compounds containing copper and oxygen 

were found to contain the following masses: 

Compound A: 32.10 g Cu and 17.90 g Cl 

Compound B: 23.64 g Cu and 26.37 g Cl 

Are the compounds the same? If not, what is the 

lowest whole number mass ratio of copper that 

combines with a given mass of chlorine? 

39. Name these compounds. 

a. CaC03 b. PbCr04 c. SnCr207 

40. Write formulas for these compounds. 

a. tin(II) hydroxide b. barium fluoride 

41. Identify the incorrect names or formulas, 

a. calcium(II) oxide b. aluminum oxide 

c. Na2C204 d. Mg(NH4)2 

Connecting Concepts 

Ionic Bonds Review ionic bonds in Section 7.2 and 
show by means of electron dot structures why an 
ionic compound always has a charge of zero. Use 
magnesium bromide as an example. 

interactive 
mTextbook 

Assessment 9.5 Test yourself 
on the concepts in Section 9.5. 

_with ChemASAP 
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Key Concepts 

9.1 Naming ions 

• When the metals in Groups 1A, 2A, and 3A 
lose electrons, they form cations with posi¬ 
tive charges equal to their group number. 

• The charge of any ion of a Group A nonmetal 
is determined by subtracting 8 from the 
group number. 

• The charges of cations of many transition 
metal ions must be determined from the 
number of electrons lost. When a cation can 
have more than one ionic charge, a Roman 
numeral is used in the name to indicate the 
charge. 

• The names of most polyatomic anions end in 
-ite or -ate. 

9.2 Naming and Writing Formulas for Ionic 
Compounds 

• The name of a binary ionic compound is the 
cation name followed by the anion name. 

• To write the formula for a binary ionic com¬ 
pound, write the symbol for the cation and 
then the anion. Then balance the charges. 

• To write formulas for compounds containing 
polyatomic ions, write the symbol for the 
metal ion followed by the formula for the 
polyatomic ion and balance the charges. 

• To name a compound containing a polyatomic 
ion, state the cation first and then the anion. 

9.3 Naming and Writing Formulas for Molecular 
Compounds 

• Prefixes show how many atoms of each ele¬ 
ment are present in a molecule of a binary 
compound. 

• To write the formula for a binary molecular 
compound, write the symbols for the ele¬ 
ments and use the prefixes to determine the 
subscripts. Omit mono- for a single atom. 

9.4 Naming and Writing Formulas for Acids and 
Bases 

• An acid is a combination of a monatomic or 
polyatomic anion with sufficient hydrogen 
atoms to make the compound electrically neu¬ 
tral. Acids are named as shown in Table 9.5. 

• A base is a combination of a cation with as 
many hydroxide ions as are needed to make 
the compound electrically neutral. Bases are 
named in the same way as other ionic com¬ 
pounds. 

9.5 The Laws Governing Formulas and Names 

• The ways that compounds form are summed 
up in two laws: the law of definite proportions 
and the law of multiple proportions. 

• To name a compound or write its formula, 
follow the flowcharts in Figures 9.20 and 9.22 
to the correct name or formula. 

Vocabulary 

• acid (p. 271) 
• base(p.273) 
• binary compound (p. 261) 

• law of definite proportions 
(p. 274) 

• law of multiple proportions 
(p. 275) 

• monatomic ion (p. 253) 
• polyatomic ion (p. 257) 

Organizing Information 

Use these terms to construct a 
concept map that organizes the 
major ideas of this chapter. 

@ 

Concept Map 9 Solve the 
Concept Map with the help of 
an interactive guided tutorial. 

«~»«.with ChemASAP 
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Assessment 

CHAPTER 

9 
Reviewing Content 

9.1 Naming Ions 

42. Give the expected charges on the ions of ele¬ 

ments of these groups of the periodic table, 

a. Group 6A b. Group 1A 

c. Group 7A d. Group 3A 

43. Give the expected charge of the cations of these 

elements. 

a. Sr b. Ca c.Al d. Cs 

44. Name the following ions. Use Table 9.2 if 

necessary. 

a. Ba2+ b.I“ c.Ag+ d. Hg2+ 

45. Write the names and formulas of the two poly¬ 

atomic anions in Table 9.3 with names that do 

not end in -ite or -ate. 

46. Name the following ions. 

a. OH- b. Pb4+ c. S042- d. O2' 

9.2 Naming and Writing Formulas for Ionic 

Compounds 

47. What is the net ionic charge of every ionic com¬ 

pound? Explain. 

48. How are formulas written for binary ionic com¬ 

pounds, given their names? How is the reverse 

done? 

49. How do you determine the charge of a transition 

metal cation from the formula of an ionic com¬ 

pound containing that cation? 

50. How are formulas written for ionic compounds 

with polyatomic ions, given their names? How is 

the reverse done? 

51. Which of the following compounds are binary 

ionic compounds? 

a. KBr b. sodium nitride 

c. K3P04 d. calcium sulfate 

52. When must parentheses be used in a formula? 

53. Complete the table by writing correct formulas for 

the compounds formed by combining positive 

and negative ions. Then name each compound. 

NOj- co32 CN P043 

nh4+ h c. d 

Sn4+ f n h y • 
Fe3+ k IS. I. 

r  _ 
Mg2+ m. n. o. P- - 

9.3 Naming and Writing Formulas for Molecular 

Compounds 

54. What are the components of a binary molecular 

compound? 

55. What prefix indicates each of the following num¬ 

bers of atoms in the formula of a molecular 

compound? 

a. 3 b. 1 c.2 d.6 e.5 f.4 

56. How are formulas for binary molecular com¬ 

pounds written, given their names? How is the 

reverse done? 

57. Write the formula or name for these com¬ 

pounds. 

a. boron trichloride b. N205 

c. dinitrogen tetrahydride d. CC14 

9.4 Naming and Writing Formulas for Acids 

and Bases 

58. Give the name or the formula for these acids, 

a. HC1 b. sulfuric acid 

c. HN03 d. acetic acid 

59. Is every molecular compound that contains 

hydrogen an acid? Explain. 

60. Write formulas for these compounds. 

a. nitrous acid 

b. aluminum hydroxide 

c. hydroselenic acid 

d. strontium hydroxide 

e. phosphoric acid 

61. Write names or formulas for these compounds, 

a. iron(II) hydroxide b. Pb(OH)2 

c. copper(II) hydroxide d. Co(OH)2 

9.5 The Laws Governing Formulas and Names 

62. What is the law of definite proportions? 

63. Describe the law of multiple proportions. 

64. Nitrous oxide is known as laughing gas and is 

used as an anesthetic in dentistry. The mass 

ratio of nitrogen to oxygen is 7:4. A 68-g sample 

of a compound composed of nitrogen and oxy¬ 

gen contains 42 g of nitrogen. Is the sample 

nitrous oxide? Explain. 
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CHAPTER 

Assessment continued 

Understanding Concepts 

65. Write formulas for these compounds. 

a. potassium permanganate 

b. calcium hydrogen carbonate 

c. dichlorine heptoxide 

d. trisilicon tetranitride 

e. sodium dihydrogen phosphate 

f. phosphorus pentabrornide 

g. carbon tetrachloride 

66. Write formulas for these compounds. 

a. magnesium sulfide 

c. barium hydroxide 

e. potassium sulfite 

g. sodium bromide 

67. Name these compounds. 

68. 

b. sodium phosphite 

d. copper(II) nitrite 

f. calcium carbonate 

h. ferric sulfate 

69. 

a. NaC103 b. Hg2Br2 c. K2Cr04 

d. HC104 e. Sn02 f. Fe(C2II302; 

g. KHS04 h. Ca(OIT)2 i. BaS 

Name each substance. 

a. UC104 b. C120 c. HgF2 

d. CaO e. Ba3(P04)2 f. I2 
g. SrS04 h. CuC2H302 i. SiCl4 

Name each compound. 

a. Mg(Mn04)2 b. Be(N03)2 c. k2co3 

d. N2H4 e. LiOH f. BaF2 

g. PI3 h. ZnO i. h3po3 

70. Write formulas for these compounds, 

a. calcium bromide b. silver chloride 

c. aluminum carbide d. nitrogen dioxide 

e. tin(IV) cyanide f. lithium hydride 

g. strontium acetate h. sodium silicate 

71. A compound of general formula QxRy contains 

no hydrogen, and Q and R are both elements. 

Neither Q nor R is a metal. Is QxRy an acid, a 

binary ionic compound, an ionic compound 

containing a polyatomic anion, or a binary 

molecular compound? 

72. A compound of general formula QxRy contains 

no hydrogen, Q is the alkali metal of lowest 

atomic mass, and R contains the elements oxy¬ 

gen and carbon in a 3:1 ratio. Write the name 

and the formula of the compound. 

73. Two compounds contain only tin and chlorine. 

The ratio of the masses of chlorine combined 

with 1.00 g of tin in the two compounds is 2:1. If 

one compound has the formula SnCl2, what is 

the formula for the other compound? 

74. Analysis of two compounds shows that they 

contain only lead and iodine in the following 

amounts: 

Compound I: 22.48 g Pb and 27.52 g I 

Compound II: 5.80 g Pb and 14.20 g I 

a. Determine the ratio of lead contained in the 

two compounds for every 1 g of iodine. 

b. Use your ratio and your knowledge of ionic 

charges to write the formulas and the names 

of the two compounds. 

75. The United States produces thousands of differ¬ 

ent kinds of inorganic chemicals. Inorganic 

chemicals, for the most part, do not contain 

carbon. The table shows the amounts (in billions 

of kg) of the top ten inorganic chemicals pro¬ 

duced in a recent year. 

Chemical 
Amount produced 

(billions of kg) 

Sulfuric acid 39.4 

Nitrogen 26.9 

Oxygen 17.7 

Ammonia 16.5 

Lime 16.3 

Phosphoric acid 11.2 

Sodium hydroxide 11.0 

Chlorine 10.3 

Sodium carbonate 9.3 

Nitric acid 6.8 

a. What percentage of the total production of the 

top ten is lime (calcium oxide)? 

b. Three diatomic gases are on the list. What are 

their names? What was the combined produc¬ 

tion of these gases in billions of kilograms? 

c. What percentage of the total production of the 

top ten is the three acids? 

d. Write formulas for the top ten inorganic 

chemicals. 
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Critical Thinking Concept Challenge 

76. Compare and contrast the information conveyed 

by a molecular formula with that given by a 

formula unit of a compound. 

77. Where on the periodic table will you find the two 

elements in a binary molecular compound? 

78. Why is it important for chemists to have a system 

of writing chemical names and formulas? 

79. Criticize this statement: “The ionic charge of any 

metal can be determined from the position of 

the element in the periodic table.” 

80. Summarize the rules that chemists use for nam¬ 

ing ionic compounds. What is the purpose for 

each rule? 

81. Nitrogen and oxygen form a number of stable 

chemical compounds. In the models below, 

nitrogen is blue; oxygen is red. Write the chemi¬ 

cal formula and name of each. 

82. Examine the following names for ionic com¬ 

pounds. Show, by writing all possible formulas 

for the compounds, that the names are incom¬ 

plete. Then, write each complete name. 

a. copper sulfide b. iron sulfate c. lead oxide 

83. Explain what is wrong with each formula, 

a. CsCl2 b. Zn02 c. LiNe d. Ba2S2 

84. Separate the following compounds into five cat¬ 

egories: binary ionic compounds, binary molec¬ 

ular compounds, compounds with polyatomic 

ions, acids, and bases. Some compounds may fit 

in more than one category. 

a. CBr4 b. HCN c. NH4OH 

d. MgS e. H2Si03 f. CIBr 

g. A1203 h. Na2HP04 i. KMn04 

85. CRC Handbook of Chemistry and Physics is a 

reference book that contains a wealth of infor¬ 

mation about elements and compounds. Two 

sections of this book you might use are “Physical 

Constants of Inorganic Compounds” and “Phys¬ 

ical Constants of Organic Compounds.” To 

familiarize yourself with this work, make a table 

with these headings: Name, Formula, Crystalline 

Form or Color, Density, Melting Point (°C), Boil¬ 

ing Point (°C), and Solubility in Water. Enter 

these substances in the body of the table: 

ammonium chloride, barium, barium sulfate, 

bromine, calcium carbonate, chlorine, cop- 

per(II) sulfate pentahydrate, iodine, iron(II) sul¬ 

fate pentahydrate, mercury, potassium 

carbonate, and sulfur. Use the handbook to 

complete the table. 

86. Use the table you prepared for Problem 85 to 

answer the following questions. 

a. You have two unlabeled bottles, each contain¬ 

ing a white powder. One of the substances is 

calcium carbonate, and the other is potas¬ 

sium carbonate. Describe a simple physical 

test you could carry out to distinguish 

between these two compounds. 

b. How would you distinguish between samples 

of copper(II) sulfate pentahydrate and 

iron(II) sulfate pentahydrate? 

c. A bottle contains a mixture of ammonium 

chloride and barium sulfate. How could you 

separate these two compounds? 

d. List the elements in the table in order of 

increasing density. Identify the elements as 

metals or nonmetals. 

e. List the compounds in the table in order of 

decreasing density. 

f. Calculate the mass of 47.0 cm3 of mercury. 

g. Calculate the volume of 16.6 g of sulfur. 

h. How would you distinguish among the 

Group 7 A elements (halogens) listed in the 

table? 
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Assessment continued 

Cumulative Review 

87. List five properties of the chair you are sitting 

on. Classify each as physical or chemical. 

{Chapter 2) 

88. How many significant figures are in the follow¬ 

ing measurements? {Chapter 3) 

a. 15.05 g b. 0.31cm c. 890 mL 

d. 300.0 cm3 e. 3.0 X 105 kg f. 0.001 mm 

89. Determine the sum of the following measure¬ 

ments to the correct number of significant 

figures. {Chapter 3) 

1.55 cm + 0.235 cm + 3.4 cm 

90. Make the following conversions. {Chapter 3) 

a. 775 mL to microliters (pL) 

b. —65°C to K 

c. 8.32 mg Ag to centigrams of silver (eg Ag) 

91. A student finds that 6.62 g of a substance occu¬ 

pies a volume of 12.3 cm3. What is the density of 

the substance? {Chapter 3) 

92. The diagrams show two models of the atom. 

{Chapter 5) 

a. Which is the more accurate? 

b. What do the positively charged particles 

represent? 

c. What do the negatively charged particles 

represent? 

d. What major subatomic particle is missing in 

both of these models? 

95. How many valence electrons do atoms of the 

following elements have? {Chapter 7) 

a. lithium b. sulfur c. phosphorus 

d. calcium e. bromine f. neon 

96. Where are the metalloids found on the periodic 

table? Compare the properties of the metalloids 

to metals and nonmetals. {Chapter 6) 

97. Arrange the following groups of elements in 

order of increasing ionization energy. {Chapter 6) 

a. potassium, cesium, lithium, sodium 

b. fluorine, boron, lithium, carbon, neon 

98. From the positions of the elements in the peri¬ 

odic table, choose the element in each pair with 

the higher electronegativity. {Chapter 6) 

a. Cs and Li b. Sr and I c. S and Mg 

d. O and Se e. Te and N f. C and F 

99. The ions of the elements of Groups 1A and 2A 

have smaller radii than their neutral atoms, 

whereas the ions of Group 7A have larger radii 

than their neutral atoms. Explain. {Chapter 6) 

100. Write the electron configuration for the element 

neon, then identify three ions that have the 

same electron configuration. {Chapter 7) 

101. How many protons and electrons are in each 

ion? {Chapter 7) 

a. magnesium ion b. bromide ion 

c. strontium ion d. sulfide ion 

93. Compare and contrast neutrons and protons 

with respect to their charge, mass, and position 

in the atom. {Chapter 4) 

94. What elements have these electron configura¬ 

tions? {Chapter 5) 

a. ls22s22p6 b. \s22s22pr 

c. 1 s22s22pl d. Is2 

102. Which of these compounds would you expect to 

contain covalent bonds? Why? {Chapter 8) 

a. KC1 b. PBr3 c. CIBr d. Nal 

103. Which of these substances would you expect to 

be polar? {Chapter 8) 

a. Cl2 b. CO c. C02 d. NH3 

e. CC14 f. H20 g. CH4 

104. Draw electron dot structures for the substances 

in Question 103. {Chapter 8) 

105. Explain what a hydrogen bond is and under what 

conditions a hydrogen bond will form. {Chapter 8) 

106. Explain the difference between an ionic bond 

and a covalent bond. Use electron dot structures 

to illustrate your explanation. {Chapter 8) 
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Standardized Test Prep 

Test-Taking Tip 

Eliminate Wrong Answers If you don't know which 

response is correct, start by eliminating those you 

know are wrong. If you can rule out some choices, 

you'll have fewer left to consider and you'll increase 

your chances of choosing the correct answer. 

Select the choice that best answers each question or 

completes each statement. 

1. Identify the pair in which the formula does not 

match the name. 

a. sulfite, S03* 1 2- 3 4 5 6 b. dichrornate, Cr2072- 

c. hydroxide, OH d. nitrite, N03~ 

e. perchlorate, C104“ 

2. Which of these compounds are ionic? 

I. CaS04 II.N204 III.NH4N03 IV. CaS 

a. I and II only b. II and III only 

c. Ill and IV only d. I, III, and IV only 

e. I, II, III, and IV 

3. What is the name of A1C13? 

a. aluminum trichloride 

b. aluminum(III) chloride 

c. aluminum chlorite 

d. aluminum chlorate 

e. aluminum chloride 

4. The Roman numeral in manganese(IV) sulfide 

indicates the 

a. group number on the periodic table. 

b. positive charge on the manganese ion. 

c. number of manganese ions in the formula. 

d. number of sulfide ions needed in the formula. 

5. Which of these statements does not describe 

every binary molecular compound? 

a. Molecules of binary molecular compounds 

are composed of two atoms. 

b. The names of binary molecular compounds 

contain prefixes. 

c. The names of binary molecular compounds 

end in the suffix -ide. 

d. Binary molecular compounds are composed 

of two nonmetals. 

6. What is the formula of ammonium carbonate? 

a. NH4C03 b. NH4C c. (NH4)2C03 

d. NH3C04 e. (NH3)2C04 f. NH4C02 

The lettered choices below refer to Questions 7-11. A 

lettered choice may be used once, more than once, or 

not at all. 

(A) QR (B) QR2 (C) Q2R (D) Q2R3 

Which formula shows the correct ratio of ions in the 

compound formed by each pair of elements? 

Element Q Element R 

7. aluminum sulfur 

8. potassium oxygen 

9. lithium chlorine 

10. strontium bromine 

11. sodium sulfur 

Use the data table to answer Questions 12-13. The 

table gives formulas for some of the ionic compounds 

formed when cations (M, N, P) combine with anions 

(A, B, C, D). 

Cation Anion 

A B C D 

M ma2 (1) (2) MD 

N (3) n2b (4) (5) 

P pa3 (6) PC P2<D>3 

12. Use the given formulas to determine the ionic 

charge of each cation and anion. 

13. Write formulas for compounds (1) through (6). 

Use the atomic windows to answer Questions 14-15. 

14. Identify the contents of each atomic window as a 

substance or a mixture. 

15. Classify the contents as elements only, com¬ 

pounds only, or elements and compounds. 

a ® 

a • a 

*. • 
J 

»a a 
a a 
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Chemists measure matter in a 
unit called the mole just as 
florists sell roses by the dozen. 

INQUIRY Activity 

Counting by Measuring Mass 

Materials 

100 paper clips of the same size, centigram balance 

Procedure 

1. Find the mass of 25 paper clips. Divide the total 

mass by 25 to find the average mass of a paper clip. 

Repeat this step using 25 different paper clips until 

your average masses agree. 

2. Select about 75 percent of your paper clips and 

find their mass. Without counting, calculate the 

number of paper clips in your sample. 

3. Count the number of paper clips in your sample. 

4. Repeat Steps 2 and 3 with a different sample size. 

Think About It 

1. Did the number of paper clips you counted in the 

sample (Step 3) equal the number you calculated 

by mass (Step 2)? 

2. Explain how you would use the balance to count 

out 185 paper clips. 

3. What is the advantage of using a larger sample 

size in Step 1 ? What is a disadvantage? 



1 10.1 The Mole: A Measurement of Matter 

Connecting to Your World c ........ 
^ Every year, contestants from 

all over the world travel to Harrison Hot Springs in British Columbia, 

Canada, to compete in the world championship sand sculpture contest. 

Each contestant creates a beautiful work of art out of 

millions of tiny grains of sand. You could measure the 

amount of sand in a sculpture by counting the grains 

' ^ of sand. But wouldn't it be much easier to weigh the 

’V C* sand? In this section, you'll discover how chemists 

measure the amount of a substance using a unit 

called a mole. 

Measuring Matter 
You live in a quantitative world. The grade you got on your last exam, the 

number of times you heard your favorite song on the radio yesterday, and 

the cost of a bicycle you would like to own are all important quantities to 

you. These are quantities that answer questions such as “How much?” or 

“How many?” Scientists answer similar questions. How many kilograms of 

iron can be obtained from one hundred kilograms of iron ore? How many 

grams of hydrogen and nitrogen must be combined to make 200 grams of 

the fertilizer ammonia (NH3)? Questions like these illustrate that chemistry 

is a quantitative science. In your study of chemistry, you will analyze the 

composition of samples of matter and perform chemical calculations that 

relate quantities of reactants in a chemical reaction to quantities of prod¬ 

ucts. To solve these and other problems, you will have to be able to measure 

the amount of matter you have. 

How do you measure matter? One way is to count how many of some¬ 

thing you have. For example, you can count the CDs in your collection or 

the number of pins you knock down when bowling. Another way to mea¬ 

sure matter is to determine its mass. You can buy potatoes by the kilogram 

or pound and gold by the gram or ounce. You can also measure matter by 

volume. For instance, people buy gasoline by the liter or the gallon and 

take cough medicine by the milliliter or the teaspoon, You often mea¬ 

sure the amount of something by one of three different methods—by count, 

by mass, and by volume. For example, you can buy soda by the six-pack or 

by the liter. Figure 10.1 shows how you might measure the amount of 

grapes you want to buy. 

Figure 10.1 A grocer's scale measures 
the weight of the grapes you buy. 

Guide for Reading 

Key Concepts 
• What are three methods for 

measuring the amount of 
something? 

• How is Avogadro's number 
related to a mole of any 
substance? 

• How is the atomic mass of an 
element related to the molar 
mass of an element? 

• How is the mass of a mole of a 
compound calculated? 

Vocabulary 
mole 

Avogadro's number 

representative particle 

molar mass 

Reading Strategy 
Relating Text and Visuals As 
you read, look closely at Table 
10.2. Explain how the information 
in the table helps you understand 
the basis for the molar masses of 
the elements. 
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Some of the units used for measuring indicate a specific number of 

items. For example, a pair always means two. A pair of shoes is two shoes, 

and a pair of aces is two aces. Similarly, a dozen always means 12. A dozen 

eggs is 12 eggs and a dozen pens is 12 pens. 

Apples are measured in three different ways. At a fruit stand, they are 

often sold by the count (3 for $2.40). In a supermarket, you usually buy 

apples by weight ($1.29/pound) or mass ($2.79/kg). At an orchard, you can 

buy apples by volume ($12.00/bushel). Each of these different ways to 

measure apples can be equated to a dozen apples. 

By count: 1 dozen apples = 12 apples 

For average-sized apples the following approximations can be used. 

By mass: 1 dozen apples = 2.0 kg apples 

By volume: 1 dozen apples = 0.20 bushel apples 

Figure 10.2 shows other items sold by count, weight, and volume. 

Knowing how the count, mass, and volume of apples relate to a dozen 

apples allows you to convert among these units. For example, based on the 

unit relationships given above, you could calculate the mass of a bushel of 

apples or the mass of 90 average-sized apples using conversion factors 

such as the following. 

1 dozen apples 2.0 kg apples 1 dozen apples 

12 apples 1 dozen apples 0.20 bushel apples 

(^Checkpoint) What are three ways of measuring the amount of 

a substance? 

Figure 10.2 You can buy items 

by different types of measure¬ 
ments, such as a count, a 
weight or mass, or a volume. 

Classifying Which of these 
common items are being sold by 

weight? By volume? By count? 
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SAMPLE PROBLEM 10.1 

Finding Mass from a Count 

What is the mass of 90 average-sized apples if 

1 dozen of the apples has a mass of 2.0 kg? 

Analyze List the knowns and the unknown. 

Knowns 

• number of apples = 90 apples 

• 12 apples = 1 dozen apples 

• 1 dozen apples = 2.0 kg apples 

Unknown 

• mass of 90 apples = ? kg 

You can use dimensional analysis to convert the number of apples to 

the mass of apples. Carry out this conversion by performing the 

following sequence of conversions: 

Number of apples-> dozens of apples-> mass of apples. 

Calculate Solve for the unknown. 

1 dozen apples 
The first conversion factor is 

12 apples 

The second conversion factor is ^.0 kg apples 
1 dozen apples 

Multiplying the original number of apples by these two conversion 

factors gives the answer in kilograms. 

, 1 dozen-apples 2.0 kg apples 
mass of apples = 90 apples x ^apptes” X 1 dozemapptes 

= 15 kg apples 

The mass of 90 average-sized apples is 15 kg. 

M: Evaluate Does the result make sense? 

Because a dozen apples has a mass of 2.0 kg, and 90 apples is less 

than 10 dozen apples, the mass should be less than 20 kg of apples 

(10 dozen X 2.0 kg/dozen). 

Practice Problems 

1. If 0.20 bushel is 1 dozen apples 

and a dozen apples has a mass 

of 2.0 kg, what is the mass of 

0.50 bushel of apples? 

2. Assume 2.0 kg of apples is 

1 dozen and that each apple 

has 8 seeds. How many apple 

seeds are in 14 kg of apples? 

CHEMath 

Dimensional Analysis 
Dimensional analysis is a 
tool for solving conversion 

problems—problems in which 

a measurement must be 

expressed in a different unit. 
To solve a simple one-step 

conversion problem (for 
example, How many grams is 

34 kg?), you must know the 

relationship between the unit 
of the known measurement 

(kg) and the unit of the 
desired answer (g).The rela¬ 

tionship is: 1 kg = 1000 g. 

Write this equality as a 
ratio (conversion factor). 

When you multiply the 
known measurement by the 

conversion factor,the unit kg 
cancels and the resulting 

answer has the unit g. 
In more complex prob¬ 

lems, you may need to use 

more than one conversion 
factor to obtain the answer, 

but the principle is the same. 

For help with dimensional 
analysis, go to page R66. 

me 
Textbook 

Problem-Solving 10.1 
Solve Problem 1 with the help 
of an interactive guided 
tutorial. 

with ChemASAP 
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Figure 10.3 Words other than 

mole are used to describe a 
number of something—for 

example, a ream of paper (500 
sheets), a gross of pencils (144), 

and a dozen eggs (12). 

What Is a Mole? 
Counting objects as big as apples is a reasonable way to measure the 

amount of apples. But imagine trying to count the grains of sand in a sand 

sculpture. That would be an endless job. Recall that matter is composed of 

atoms, molecules, and ions. These particles are much smaller than grains 

of sand and an extremely large number of them are in even a small sample 

of a substance. Obviously, counting particles one by one is not practical. 

However, think about counting eggs. It’s easier when the eggs are grouped 

into dozens. A dozen is a specified number, 12, of things. Other common 

groupings of items are shown in Figure 10.3. Chemists also use a unit that is 

a specified number of particles. The unit is called a mole. Just as a dozen 

eggs is 12 eggs, a mole (mol) of a substance is 6.02 X 1023 representative 

particles of that substance and is file SI unit for measuring the amount of a 

substance. The number of representative particles in a mole, 6.02 x 1023, is 

called Avogadro's number. It was named in honor of the Italian scientist 

Amedeo Avogadro di Quaregna (1776-1856) who helped clarify the differ¬ 

ence between atoms and molecules. 

The term representative particle refers to the species present in a sub¬ 

stance: usually atoms, molecules, or formula units. The representative par¬ 

ticle of most elements is the atom. Iron is composed of iron atoms. Helium 

is composed of helium atoms. Seven elements, however, normally exist as 

diatomic molecules (H2, N2, 02, F2, Cl2, Br2, and I2). The representative par¬ 

ticle of these elements and of all molecular compounds is the molecule. 

The molecular compounds water (HzO) and sulfur dioxide (S02) are com¬ 

posed of H20 and S02 molecules, respectively. For ionic compounds, such 

as calcium chloride, the representative particle is the formula unit CaCl2. 

A mole of any substance contains Avogadro’s number of representative 

particles, or 6.02 x 1023 representative particles. Table 10.1 summarizes the 

relationship between represen tative particles and moles of substances. 

Converting Number of Particles to Moles The relationship, l mol = 

6.02 X 1023 representative particles, is the basis for a conversion factor that 

you can use to convert numbers of representative particles to moles. 

moles = representative particles x - w -1 mole -—-— 
6.02 X 1023 representative particles 

(^Checkpoint) How many representative particles are in one mole? 

r 

c Go inline 
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For: Links on the Mole 
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r Table 10.1^ 

Representative Particles and Moles 

Substance 

. 

Representative 
particle 

Chemical 
formula 

Representative 
particles in 
1.00 mole 

Atomic nitrogen Atom N 6.02 X 1023 

Nitrogen gas Molecule n2 6.02 X 1023 

Water Molecule h2o 6.02 X 1023 

Calcium ion Ion Ca2+ 6.02 X 1023 

Calcium fluoride Formula unit CaF2 6.02 X 1023- 

Sucrose Molecule C12H220ii 6.02 X 10^ 
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SAMPLE PROBLEM 10.2 

Converting Number of Atoms to Moles 

Magnesium is a light metal used in the manufacture of aircraft, auto¬ 

mobile wheels, tools, and garden furniture. How many moles of mag¬ 

nesium is 1.25 X 1023 atoms of magnesium? 

Analyze List the knowns and the unknown. 

Knowns 

• number of atoms = 1.25 X 1023 atoms Mg 

• 1 mol Mg — 6.02 X 1023 atoms Mg 

• The desired conversion is: atoms-> moles 

Unknown 

• moles = ? mol Mg 

Calculate Solve for the unknown. 

1 mol Mg 
The conversion factor is 

6.02 X 1023 atoms Mg ' 

Multiplying atoms of Mg by the conversion factor gives the answer. 

, , 1 mol Mg 
moles = 1.25 X 1023 atomsTvlg X —-7,—- -—- 

fo 6.02 X 1023atomsrMg 

moles = 2.08 x 10"1 mol Mg = 0.208 mol Mg 

M Evaluate Does the result make sense? 

Because the given number of atoms is less than one-fourth of 

Avogadro’s number, the answer should be less than one-fourth mole of 

atoms. The answer should have three significant figures. 

Practice Problems 

3. How many moles is 4. How many moles is 2.17 X 1023 

2.80 X 1024 atoms of silicon? representative particles of 

bromine? 

__ Handbook 

For help with dimensional 
analysis, go to page R66. 

Textbook 

Problem-Solving 10.4 
Solve Problem 4 with the help 
of an interactive guided 
tutorial. 

>-with ChemASAP 

Converting Moles to Number of Particles Now suppose you want to 

determine how many atoms are in a mole of a compound. To do this, you 

must know how many atoms are in a representative particle of the com¬ 

pound. This number is determined from the chemical formula. Figure 10.4 

illustrates this idea with marbles (atoms) in cups (molecules). The number 

of marbles in a dozen cups is (6 X 12), or 72 marbles. In the formula of a 

molecule of carbon dioxide (C02), the subscripts show that carbon dioxide 

is composed of three atoms: one carbon atom and two oxygen atoms. A 

mole of carbon dioxide contains Avogadro’s number of C02 molecules. But 

each molecule contains three atoms. Thus a mole of carbon dioxide con¬ 

tains three times Avogadro’s number of atoms. A molecule of carbon mon¬ 

oxide (CO) consists of two atoms, so a mole of carbon monoxide contains 

two times Avogadro’s number of atoms. 

Figure 10.4 A dozen cups of marbles contain more than a dozen 

marbles. Similarly, a mole of molecules contains more than a mole 
of atoms. Calculating How many atoms are in one mole of 
molecules if each molecule consists of six atoms? 
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> FUEL 

For help with dimensional 

analysis, go to page R66. 

Textbook 

Problem-Solving 10.5 
Solve Problem 5 with the help 

of an interactive guided 

tutorial. 

with ChemASAP 

To find the number of atoms in a mole of a compound, you must first 

determine the number of representative particles. You can use the follow¬ 

ing conversion factor to convert a number of moles of a compound to the 

number of representative particles (molecules or formula units). 

, 6.02 X 1023 representative particles 
representative particles = moles X-j j - 

The next step is to multiply the number of representative particles by 

the number of atoms in each molecule or formula unit. 

SAMPLE PROBLEM 10.3 

Converting Moles to Number of Atoms 

Propane is a gas used for cooking and heating. How many atoms are in 

2.12 mol of propane (C3H8)? 

Analyze List the knowns and the unknown. 

Knowns 

• number of moles = 2.12 mol C3H8 

• 1 mol C3H8 = 6.02 X 1023 molecules C3H8 

• 1 molecule C3H8 = 11 atoms 

(3 carbon atoms and 8 hydrogen atoms) 

• The desired conversion is: moles-> molecules 

Unknown 

• number of atoms = 

? atoms 

-* atoms. 

Use the relationships among units given above to write the desired 

conversion factors. 

Ij Calculate Solve for the unknown. 

6.02 x 1023 molecules CqH 
The first conversion factor is 

The second conversion factor is 

3X x8 

1 mol C3H8 

11 atoms 
1 molecule C3H8' 

Multiply the moles of C3H8 by the proper conversion factors: 

6.02 x 1023 molecufe^TTtT, 
2.12 moTG^H), X 

1 moTGgH^ 
X 11 atoms 

1 moleeute-T^H^ 

= 1.4039 x 1025 atoms = 1.40 X 1025 atoms 

O Evaluate Does the result make sense? 

Because there are 11 atoms in each molecule of propane and more 

than 2 mol of propane, the answer should be more than 20 times 

Avogadro’s number of propane molecules. The answer has three sig¬ 

nificant figures based on the three significant figures in the given 

measurement. 

Practice Problems 

5. How many atoms are in 

1.14 mol S03? 

6. How many moles are in 

4.65 x 1024 molecules of N02? 
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Perhaps you are wondering just how large a mole is. The SI unit, the 

mole, is not related to the small burrowing animal of the same name 

shown in Figure 10.5. But this little animal can help you appreciate 

the size of the number 6.02 X 1023. Assume that an average 

animal-mole is 15 cm long, 5 cm tall, and has a mass of 150 g. 

Based on this information, the mass of 6.02 X 1023 animal- 

moles is 9.03 x 1022 kg. That means that the mass of 

Avogadro’s number of animal-moles is equal to more than 60 

times the combined mass of Earth’s oceans. If spread over the 

entire surface of Earth, Avogadro’s number of animal-moles 

would form a layer more than 8 million animal-moles thick. 

What about the length of 6.02 X 1023 animal-moles? If lined up 

end-to-end, 6.02 x 1023 animal-moles would stretch from Earth to 

the nearest star, Alpha Centauri, more than two million times. Are 

you beginning to understand how enormous Avogadro’s number is? 

The Mass of a Mole of an Element 
Remember that the atomic mass of an element (the mass of a single atom) 

is expressed in atomic mass units (amu). The atomic masses are relative 

values based on the mass of the most common isotope of carbon (carbon- 

12). Table 10.2 shows that an average carbon atom (C) with an atomic mass 

of 12.0 amu is 12 times heavier than an average hydrogen atom (H) with an 

atomic mass of 1.0 amu. Therefore, 100 carbon atoms are 12 times heavier 

than 100 hydrogen atoms. In fact, any number of carbon atoms is 12 times 

heavier than the same number of hydrogen atoms. The mass ratio of 12 car¬ 

bon atoms to 1 hydrogen atom remains the same no matter what unit is 

used to express the masses. So 12.0 g of carbon atoms and 1.0 g of hydrogen 

atoms must contain the same number of atoms. 

Figure 10.5 An average animal- 
mole has a mass of 150 g. The 
mass of 6.02 X 1023 animal- 

moles is 9.03 X 1022 kg. 

Textbook 

Animation 11 Find out 
how Avogadro's number is 
based on the relationship 
between the amu and the 
gram. 

_with ChemASAP 

Table 10.2 

CARBON ATOMS HYDROGEN ATOMS MASS RATIO 

Number Mass (amu) Number Mass (amu) 
Mass carbon 

Mass hydrogen 

o 12 1 
12 amu 12 

1 amu 1 

QQ 
24 

[2 x 12] 
2 

[2 x 1] 
24 amu 12 

2 amu 1 

QQQQQ 
QQQQQ 

120 
[10 x 12] 

10 
[10 x 1] 

120 amu 12 

10 amu 1 

OOOOOOQOOO 
QQQOQQQQQQ 
qqqqqqqqqo 
OOOOOOQOOO 
oooooooooo 

600 
[50 x 12] 

50 
[50 x 1] 

600 amu 12 

50 amu 1 

Avogadro's {6.02 x 1023) x (12) 
number 

Avogadro's (6 Q2 x q023) x (1) 
number 

(6.02 x 1023) x (12) 

(6.02 x 1023) x (1) 
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Figure 10.6 One molar mass of 
carbon, sulfur, mercury, and iron 
are shown. Each of the quantities 

contains one mole of the 
element. Applying Concepts 
How many atoms of each 
element are shown? 

If you look at the atomic masses of the elements in the periodic table, 

you will notice that they are not whole numbers. For example, the atomic 

mass of carbon is not exactly 12 times the mass of hydrogen. Recall from 

Chapter 4 that this is because atomic masses are weighted average masses 

of the isotopes of each element. 

Quantities measured in grams are convenient for working in the labora¬ 

tory, so chemists have converted the relative scale of masses of the elements 

in amu to a relative scale of masses in grams. The atomic mass of an ele¬ 

ment expressed in grams is the mass of a mole of the element. The mass of a 

mole of an element is its molar mass. For carbon, the molar mass is 12.0 g. 

For atomic hydrogen, the molar mass is 1.0 g. Figure 10.6 shows one molar 

mass of mercury, carbon, iron, and sulfur. Compare the molar masses in the 

figure to the atomic masses in your periodic table. Notice that the molar 

masses were rounded off to one place after the decimal point. All the exam¬ 

ples and problems in this text use molar masses that are rounded off in this 

way. If your teacher uses a different rounding rule for molar masses, your 

answers to problems may differ slightly from the answers given in the text. 

If you were to compare 12.0 g of carbon atoms with 16.0 g of oxygen atoms, 

you would find they contain the same number of atoms. The molar masses of 

any two elements must contain the same number of atoms. How many atoms 

are contained in the molar mass of an element? You already know. The molar 

mass of any element contains 1 mol or 6.02 x 1023 atoms of that element. 

The mole can now be further defined as the amount of substance that 

contains as many representative particles as the number of atoms in 12.0 g of 

carbon-12. You know that 12.0 g is the molar mass of carbon-12, so 12.0 g is 

1 mol of carbon. The same relationship applies to hydrogen: 1.0 g of hydro¬ 

gen is 1 mol of hydrogen atoms. Similarly, because 24.3 g is the molar mass of 

magnesium, 1 mol of magnesium (or 6.02 X 1023 atoms of magnesium) has a 

mass of 24.3 g. Molar mass is the mass of 1 mol of atoms of any element. 

(^Checkpoint) How many atoms are in one mole of magnesium? 

1 mol of sulfur atoms 
32.1 g = 1 molar mass S 

1 mol of mercury atoms 
200.6 g = 1 molar mass Hg 

1 mol of carbon atoms 
12.0 g C = 1 molar mass C 
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1 mol of glucose molecules (blood sugar) 

180.0 g C6H1206 = 1 molar mass C6Hi206 
1 mol of paradichlorobenzene 

molecules (moth crystals) 

147.0 g C6H4Cl2 = 1 molar mass C6H4Cl2 

glucose 

Figure 10.7 One molar mass 
is shown for each of three 

molecular compounds. 
inferring How can you know 

that each sample contains 

Avogadro's number of 
molecules? 

1 mol of water molecules 

18.0 g H20 = 1 molar mass H20 

paradichlorobenzene 

The Mass of a Mole of a Compound 
To find the mass of a mole of a compound, you must know the formula of 

the compound. The formula of sulfur trioxide is S03. A molecule of S03 is 

composed of one atom of sulfur and three atoms of oxygen. 

& - 4# * • •• 
S03 = 1 S atom + 3 0 atoms 

You can calculate the mass of a molecule of S03 by adding the atomic 

masses of the atoms making up the molecule. From the periodic table, the 

atomic mass of sulfur (S) is 32.1 amu. The mass of three atoms of oxygen is 

three times the atomic mass of a single oxygen atom (O): 3 x 16.0 amu = 48.0 

amu. So, the molecular mass of S03 is 32.1 amu + 48.0 amu = 80.1 amu. 

V ♦ 999 
1 S atom 3 O atoms 

32.1 amu + 16.0 amu + 16.0 amu + 16.0 amu = 80.1 amu 

Now substitute the unit grams for atomic mass units to find the molar 

mass of S03. The molar mass (g/mol) of any compound is the mass in 

grams of 1 mol of that compound. Thus 1 mol of S03 has a mass of 80.1 g. 

This is the mass of 6.02 x 1023 molecules of S03. 

To calculate the molar mass of a compound, find the number of 

grams of each element in one mole of the compound. Then add the masses 

of the elements in the compound. This method for calculating molar mass 

applies to any compound, molecular or ionic. The molar masses of glu¬ 

cose (C6H1206, 180.0 g), water (H20, 18.0 g), and paradichlorobenzene 

(C6H4C12, 147.0 g) in Figure 10.7 were obtained in this way. 
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Math Handbook 

For help with significant 

figures, go to page R59. 

Textbook 

Problem-Solving 10.7 
Solve Problem 7 with the help 

of an interactive guided 

tutorial. 

__with ChemASAP 

' SAMPLE PROBLEM 10.4 

Finding the Molar Mass of a Compound 

The decomposition of hydrogen peroxide (H202) provides sufficient 

energy to launch a rocket. What is the molar mass of hydrogen peroxide? 

Unknown 

• molar mass = ? g 

O Analyze List the knowns and the unknown. 

Knowns 
• molecular formula = H202 

• 1 molar mass H = 1 mol H = 1.0 g H 

• 1 molar mass 0=1 mol O = 16.0 g O 

One mol of hydrogen peroxide has 2 mol of hydrogen atoms and 2 mol 

of oxygen atoms. Convert moles of atoms to grams by using conversion 

factors (g/mol) based on the molar mass of each element. The sum of 

the masses of the elements is the molar mass. 

^9 Calculate Solve for the unknown. 

Convert moles of hydrogen and oxygen to grams of hydrogen and 

oxygen. Then add the results. 

1.0 gH 
2 muTH x 

1 moffl 
2.0 gH 

, 16.0 gO 
2 meTO X , mol() = 32.0 gO 

molar mass of I1202 = 34.0 g 

TJ Evaluate Does the result make sense? 

The answer is the sum of two times the molar mass of hydrogen and 

oxygen. The answer is expressed to the tenth’s place because the 

numbers being added are expressed to the tenth’s place. 

Practice Problems 

7. Find the molar mass of PC13. 8. What is the mass of 1.00 mol of 

sodium hydrogen carbonate? 

10.1 Section Assessment 

9. Key Concept What are three ways to measure 

the amount of something? 

10. Key Concept Describe the relationship 

between Avogadro’s number and one mole of any 

substance. 

11. Key Concept How is the atomic mass of an 

element related to the molar mass of the element? 

12. Key Concept How can you calculate the mass 

of a mole of a compound? 

13. How many moles is 1.50 X 1023 molecules NH3? 

14. How many atoms are in 1.75 mol CHC13? 

15. What is the molar mass of CaS04? 

Writing Activity 

Report Research the history of Avogadro's number. 

What elements other than carbon have been used to 

define a mole? Write a report that summarizes your 
findings. 

Textbook 
Assessment 10.1 Test yourself 

on the concepts in Section 10.1. 

with ChemASAP 
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Mole-Mass and Mole-Volume Relationships 10.2 

Connecting to Your World r . . „ , 
3 Guess how manyjelly beans are 

in the container and win a prize! You decide to enter the contest and you 

win. Was it just a lucky guess? Not exactly. You estimated the length and 

diameter of a jelly bean to find its approximate 

volume.Then you estimated the dimensions of 

the container to obtain its volume.You did the 

arithmetic and made your guess. In a similar 

way, chemists use the relationships 

between the mole and quantities such as 

mass, volume, and number of particles to 

solve chemistry problems. In this section you 

will find out how the mole and mass are related. 

The Mole-Mass Relationship 
In the previous section, you learned that the molar mass of any substance 

is the mass in grams of one mole of that substance. This definition applies 

to all substances—elements, molecular compounds, and ionic com¬ 

pounds. In some situations, however, the term molar mass may be unclear. 

For example, suppose you were asked what the molar mass of oxygen is? 

How you answer this question depends on what you assume to be the rep¬ 

resentative particle. If you assume the oxygen in the question is molecular 

oxygen (02), then the molar mass is 32.0 g (2 x 16.0 g). If you assume that 

the question is asking for the mass of a mole of oxygen atoms (O), then the 

answer is 16.0 g. You can avoid confusion such as this by using the formula 

of the substance, in this case, 02 or 0. 

Suppose you need 3.00 mol of sodium chloride (NaCl) for a laboratory 

experiment. How can you measure this amount? It would be convenient to use 

a balance to measure the mass. But what mass in grams is 3.00 mol of NaCl? 

<T^ Use the molar mass of an element or compound to convert between the 

mass of a substance and the moles of a substance. The conversion factor for 

the calculation is based on the relationship: molar mass = 1 mol. Use the fol¬ 

lowing equation to calculate the mass in grams of a given number of moles. 

Guide for Reading 

Key Concepts 
• How do you convert the mass 

of a substance to the number of 

moles of the substance? 

• What is the volume of a qas at 

STP? 

Vocabulary 
Avogadro's hypothesis 

standard temperature and 

pressure (STP) 

molar volume 

Reading Strategy 
Monitoring Your 
Understanding Before you read, 

preview the key concepts, the sec¬ 

tion heads, the boldfaced terms, 

and the visuals. List three things 

you expect to learn. After reading, 

state what you learned about each 

item you listed. 

mass (grams) 
mass (grams) = number of moles x ^ moie 

The molar mass of NaCl is 58.5 g/mol, so the mass of 3.00 mol NaCl is 

calculated in this way. 

, 58.5 g 
mass of NaCl = 3.00 mol X ^ ffloy = 176 g 

When you measure 176 g of NaCl on a balance, you are measuring 

3.00 moles of NaCl. 
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SAMPLE PROBLEM 10.5 

_ Handbook 

For help with significant 

figures go to page R59. 

^, ^Interactive 
w Textbook 

Problem-Solving 10.16 
Solve Problem 16 with the 

help of an interactive guided 

tutorial. 

__ with ChemASAP 

Converting Moles to Mass 

The aluminum satellite dishes in Figure 10.8 are resistant to corrosion 

because the aluminum reacts with oxygen in the air to form a coating 

of aluminum oxide (A1203). This tough, resistant coating prevents any 

further corrosion. What is the mass of 9.45 mol of aluminum oxide? 

O Analyze List the known and the unknown. 

Known Unknown 

• number of moles = 9.45 mol A1203 • mass = ? g A1203 

The mass of the compound is calculated from the known number of 

moles of the compound. The desired conversion is moles-> mass. 

Calculate Solve for the unknown. 

Determine the molar mass of A1203: 1 mol A1203 = 102.0 g A1203 

Multiply the given number of moles by the conversion factor relating 

moles of A1203 to grams of A1203. 

102.0 gAl203 
mass = 9.45 mokAlj03 x 

= 964g A1203 

1 mohAFTTj 

Ip Evaluate Does the result make sense? 

The number of moles of A1203 is approximately 10, and each has a 

mass of approximately 100 g. The answer should be about 1000 g. The 

answer has been rounded to the correct number of significant figures. 

Practice Problems 

16. Find the mass, in grams, of 

4.52 X 10^3 mol C20H42. 

17. Calculate the mass, in grams, of 

2.50 mol of iron(II) hydroxide. 

Figure 10.8 These aluminum satellite 
dishes at the National Radio Astronomy 

Observatory near Soccoro, New Mexico 

are naturally protected from corrosion by 
the formation of a thin film of aluminum 

oxide (Al203). 



In Sample Problem 10.5, you used a conversion factor based on the 

molar mass to convert moles to mass. Now suppose that in a laboratory 

experiment you obtain 10.0 g of sodium sulfate (Na,S04). How many moles 

is this? You can calculate the number of moles using the same relationship 

you used in Sample Problem 10.5, 1 mol = molar mass, but this time the 

conversion factor is inverted. Use the following equation to convert your 

10.0 g of Na2S04 into moles. 

moles = mass (grams) x 1 mole 
mass (grams) 

The molar mass of Na2S04 is 142.1 g/mol, so the number of moles of 

Na2S04 is calculated this way. 

moles of Na2S04 = 10.0 g X = 7.04 X 10~2 mol 

(^Checkpoint) What conversion factor should you use to convert mass 

to moles? 

SAMPLE PROBLEM 10.6 

Converting Mass to Moles 

When iron is exposed to air, it corrodes to form red-brown rust. Rust is 

iron(III) oxide (Fe203). How many moles of iron(III) oxide are con¬ 

tained in 92.2 g of pure Fe203? 

Analyze List the known and the unknown. 

Known Unknown 

• mass = 92.2 g Fe203 • number of moles = ? mol Fe203 

The unknown number of moles of the compound is calculated from a 

known mass of a compound. The conversion is mass-> moles. 

0 Calculate Solve for the unknown. 

Determine the molar mass of Fe203: 1 mol = 159.6 g Fe203 

Multiply the given mass by the conversion factor relating mass of Fe203 

to moles of Fe203. 

1 mol Fe2Oq 
moles = 92.2 gFe203 X 159 6 gJ3e^ 

= 0.578 mol Fe203 

Evaluate Does the result make sense? 

Because the given mass (about 90 g) is slightly larger than the mass of 

one-half mole of Fe203 (about 160 g), the answer should be slightly 

larger than one-half (0.5) mol. 

Practice Problems trrttrrf 

18. Find the number of moles in 19. Calculate the number of moles 

3.70 X 10 1 g of boron. in 75.0 g of dinitrogen trioxide. 

Rust weakens an iron chain. 

Handbook 

For help with using a 
calculator, go to page R62. 

Textbook 
Problem-Solving 10.18 
Solve Problem 18 with the help 
of an interactive guided 
tutorial. 

with ChemASAP 
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Figure 10.9 In each container, 
the volume occupied by the gas 

molecules is small compared 

with the container's volume, so 
the molecules are not tightly 

packed. © The molecules in this 
container are small. ©This 

container can accommodate 
the same number of larger 

molecules. 

The Mole-Volume Relationship 
Look back at Figure 10.7. Notice that the volumes of one mole of different 

solid and liquid substances are not the same. For example, the volumes of 

one mole of glucose (blood sugar) and one mole of paradichlorobenzene 

(moth crystals) are much larger than the volume of one mole of water. What 

about the volumes of gases? Unlike liquids and solids, the volumes of moles 

of gases, measured under the same physical conditions, are much more 

predictable. Why should this be? 

In 1811, Amedeo Avogadro proposed a groundbreaking explanation. 

Avogadro's hypothesis states that equal volumes of gases at the same tem¬ 

perature and pressure contain equal numbers of particles. The particles 

that make up different gases are not the same size. But the particles in all 

gases are so far apart that a collection of relatively large particles does not 

require much more space than the same number of relatively small parti¬ 

cles. Whether the particles are large or small, large expanses of space exist 

between individual particles of gas, as shown in Figure 10.9. 

If you buy a party balloon filled with helium and take it home on a cold 

day, you might notice that the balloon shrinks while it is outside. The vol¬ 

ume of a gas varies with a change in temperature. The volume of a gas also 

varies with a change in pressure. In Figure 10.10, notice the changes in an 

empty water bottle when it is in the cabin of an airplane while in flight and 

after the plane has landed. The trapped air occupies the full volume of the 

bottle in the cabin where the air pressure is lower than it is on the ground. 

The increase in pressure when the plane lands causes the volume of the air 

in the bottle to decrease. Because of these variations due to temperature 

and pressure, the volume of a gas is usually measured at a standard tem¬ 

perature and pressure. Standard temperature and pressure (STP) means a 

temperature of 0°C and a pressure of 101.3 kPa, or 1 atmosphere (atm). 

At STP, 1 mol or 6.02 x 1023 representative particles, of any gas occupies a 

volume of 22.4 L. Figure 10.11 gives you an idea of the size of 22.4 L. The 

quantity, 22.4 L, is called the molar volume of a gas. 

(^Checkpoint) What is meant by standard temperature and pressure? 

Figure 10.10 The volume of a 

gas varies with temperature and 

pressure. © The volume of the gas 
in the balloon on the left is larger 

because its temperature is higher. 

© The air in the "empty" water 
bottle on the left has a larger volume 

because it is at a lower pressure. 

lower pressure 

i 

/ 

-higher pressure 
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Calculating Volume at STP The molar volume is used to convert a 

known number of moles of gas to the volume of the gas at STP The rela¬ 

tionship 22.4 L = 1 mol at STP provides the conversion factor. 

volume of gas = moles of gas x 

Figure 10.11 This box, with a 
volume of 22.4 L, holds one mole 
of gas at STP. 

Analyze List the knowns and the unknown. 

Knowns Unknown 
• moles = 0.60 mol S02 • volume = ? L S02 

• 1 mol S02 = 22.4 L S02 

Use the relationship 1 mol S02 = 22.4 L S02 (at STP) to write the 

conversion factor needed to convert moles to volume. 

Suppose you have 0.375 mol of oxygen gas and want to know 

what volume the gas will occupy at STP. 

volume of 02 = 0.375 mot x 22,4Jf = 8.40 L 
^ 1 mol 

Calculating the Volume of a Gas at STP 

Sulfur dioxide (S02) is a gas produced by burning coal. It is an air pol¬ 

lutant and one of the causes of acid rain. Determine the volume, in 

liters, of 0.60 mol S02 gas at STP 

.... 22.4 LS02 
The conversion factor is .-. „„ 

1 mol S02 

Calculate Solve for the unknown. 

0 

volume 0.60m©TSO^ X 
22.4 L S02 

1 xnoTSO^ 
13 L S02 

Evaluate Does the result make sense? 

Because 1 mol of any gas at STP has a volume of 22.4 L, 0.60 mol should 

have a volume slightly larger than one half of a mole or 11.2 L. The 

answer should have two significant figures. 

Practice Problems 

20. What is the volume of these 21. At STP, what volume do these 

gases at STP? gases occupy? 

a. 3.20 X 10~3 mol C02 a. 1.25 mol He 

b. 3.70 mol N2 b. 0.335 mol C2H6 

Handbook 

For help with dimensional 
analysis, go to page R66. 

Textbook 
Problem-Solving 10.20 
Solve Problem 20 with the 
help of an interactive guided 
tutorial. 

with ChemASAP 

The opposite conversion, from the volume of a gas at STP to the num¬ 

ber of moles of gas, uses the same relationship: 22.4 L = 1 mol at STP. Sup¬ 

pose, in an experiment, you collect 0.200 liter of hydrogen gas at STP. You 

can calculate the number of moles of hydrogen in this way. 

moles = 0.200 LTT) X 
I mol H2 

22.4 LT^ 
= 8.93 X 10 3 mol H2 
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Calculating Molar Mass from Density A gas-filled balloon will either 

sink or float in the air depending on whether the density of the balloon’s gas 

is greater or less than the density of the surrounding air. Different gases 

have different densities. Usually the density of a gas is measured in grams 

per liter (g/L) and at a specific temperature. The density of a gas at STP and 

the molar volume at STP (22.4 L/mol) can be used to calculate the molar 

mass of the gas. 

molar mass = density at STP X molar volume at STP 

grams = grams ^ 22.4 L 
mole L 1 mole 

(^Checkpoint) How is the density of a gas usually measured? 

Handbook 

For help with significant 
figures, go to page R59. 

Textbook 

Problem-Solving 10.22 
Solve Problem 22 with the 
help of an interactive guided 
tutorial. 

». with ChemASAP 

SAMPLE PROBLEM 10.8 

Calculating the Molar Mass of a Gas at STP 

The density of a gaseous compound containing carbon and oxygen is 

found to be 1.964 g/L at STP. What is the molar mass of the compound? 

fO Analyze List the knowns and the unknown. 

Knowns Unknown 
• density = 1.964 g/L • molar mass = ? g/mol 

• 1 mol (gas at STP) = 22.4 L 

The conversion factor needed to convert density to molar mass is 

22.4 L 
1 mol ’ 

, grams 
molar mass = —f— x 

J Calculate Solve for the unknown. 

22.4 L 
1 mol 

molar mass 
1-964 g 22.4 L 

1 L 1 mol 
= 44.0 g/mol 

Evaluate Does the result make sense? 

The ratio of the calculated mass (44.0 g) to the volume (22.4 L) is about 

2, which is close to the known density. The answer should have three 

significant figures. 

Practice Problems 

22. A gaseous compound com¬ 

posed of sulfur and oxygen, 

which is linked to the forma¬ 

tion of acid rain, has a density 

of 3.58 g/L at STP. What is the 

molar mass of this gas? 

23. What is the density of krypton 

gas at STP? 
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Mass 

Figure 10.12 The map shows 

the conversion factors needed 
to convert among volume, 

mass, and number of particles. 
Interpreting Diagrams How 
many conversion factors are 
needed to convert from the 
mass of a gas to the volume of 
a gas atSTP? 

Representative 
Particles 

The Mole Road Map 
You have now examined a mole in terms of particles, mass, and volume of 

gases at STP. Figure 10.12 summarizes these relationships and illustrates 

the importance of the mole. The mole is at the center of your chemical cal¬ 

culations. To convert from one unit to another, you must use the mole as an 

intermediate step. The form of the conversion factor depends on what you 

know and what you want to calculate. 

Textbook 

Simulation 10 Use the mole 
road map to convert among 
mass, volume, and number of 
representative particles. 

«. with ChemASAP 

10.2 Section Assessment 

24. Key Concept Describe how to convert 

between the mass and the number of moles of a 

substance. 

25. Key Concept What is the volume of one mole 

of any gas at STP? 

26. How many grams are in 5.66 mol of CaC03? 

27. Find the number of moles in 508 g of ethanol 

(C2H60). 

28. Calculate the volume, in liters, of 1.50 mol Cl2 at 

STP. 

29. The density of an elemental gas is 1.7824 g/L at 

STP. What is the molar mass of the element? 

30. The densities of gases A, B, and C at STP are 
1.25 g/L, 2.86 g/L, and 0.714 g/L, respectively. 

Calculate the molar mass of each substance. Iden¬ 

tify each substance as ammonia (NH3), sulfur 

dioxide (S02), chlorine (Cl2), nitrogen (N2), or 

methane (CH4). 

31. Three balloons filled with three different 

gaseous compounds each have a volume of 

22.4 L at STP. Would these balloons have the 

same mass or contain the same number of 

molecules? Explain. 

Density In Chapter 3 you learned that the densities 
of solids and liquids are measured in g/cm3 but the 

densities of gases are measured in g/L. Draw atomic 
diagrams of a solid and a gas that show why the two 

different units are practical. 

Textbook 

Assessment 10.2 Test yourself 
on the concepts in Section 10.2. 

-with ChemASAP 

Section 10.2 Mole-Mass and Mole-Volume Relationships 303 



Counting by Measuring Mass 

Purpose 
To determine the mass of several samples of 

chemical compounds and use the data to count atoms. 

Materials 
• chemicals shown in the table 

• plastic spoon 

• weighing paper 

• watchglass or small beaker 

• balance 

• paper 

• pencil 

• ruler 

Procedure 

Measure the rlj^S IHIne level teaspoon of sodium 

chloride (NaCI), water (H20), and calcium carbonate 

(CaC03). Make a table similar to the one below. 

Use your data to complete the following steps. Record 

your answers in or below your data table. 

1. Calculate the moles of NaCI contained in one level 

teaspoon. 

moles of NaCI m g NaCI x 
3 58.5 g 

2. Repeat Step 1 for the remaining compounds. Use the 

periodic table to calculate the molar mass of water and 

calcium carbonate. 

H20(/) NaCI(s) CaCO 3(s) 

Mass 
(grams) 

Molar Mass 
(g/mol) 

Moles of 
each 

compound 

Moles of 
each 

element 

Atoms of 
each 

element 

1 • OR i 

ref erei SCE 
/ 

QTrfc i 

Analyze 

3. Calculate the number of moles of each element present 

in the teaspoon-sized sample of H20. 

moles of H = mol H,0 X 2 
2 1 mol H20 

Repeat for the other compounds in your table. 

4. Calculate the number of atoms of each element 

present in the teaspoon-sized sample of H20. 

atoms of H = mol H X 6-02 * 10^atnomsH 
1 mol H20 

Repeat for the other compounds in your table. 

5. Which of the three teaspoon-sized samples contains 

the greatest number of moles? 

6. Which of the three compounds contains the most atoms? 

You're the Chemist! 

The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Design It! Can you count by measuring volume? 

Design and carry out an experiment to do it! 

2. Design It! Design an experiment that will determine 

the number of atoms of calcium, carbon, and oxygen it 

takes to write your name on the chalkboard with a 

piece of chalk. Assume chalk is 100 percent calcium 

carbonate, CaC03. 
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10.3 Percent Composition and Chemical Formulas 

! Connecting to Your World ls your shirt made of 100 

percent cotton or wool, or is the fabric a combination of two or more 

fibers? A tag sewed into the seam of the shirt usually tells you what fibers 

were used to make the cloth and the percent of 

each. It helps to know the percents of the 

components in the shirt because they affect 

how warm it is, whether it will need to be 

ironed, and how it should be cleaned. In this 

section you will learn how the percents of the 

elements in a compound are important in 

chemistry. 

The Percent Composition of a Compound 
If you have had experience with lawn care, you know that the relative 

amount, or the percent, of each nutrient in fertilizer is important. In spring, 

you may use a fertilizer that has a relatively high percent of nitrogen to 

“green” the grass. In fall, you may want to use a fertilizer with a higher per¬ 

cent of potassium to strengthen the root system. Knowing the relative 

amounts of the components of a mixture or compound is often useful. 

The relative amounts of the elements in a compound are expressed as 

the percent composition or the percent by mass of each element in the 

compound. The percent composition of a compound consists of a percent 

value for each different element in the compound. As you can see in Figure 

10.13, the percent composition of K2Cr04 is K = 40.3%, Cr = 26.8%, and 

0 = 32.9%. These percents must total 100% (40.3% + 26.8% + 32.9% = 

100%). The percent by mass of an element in a compound is the number 

of grams of the element divided by the mass in grams of the compound, 

multiplied by 100%. 

% mass of element 
mass of element 

mass of compound 
X 100% 

Percent Composition from Mass Data Imagine you are a chemist 

who has just finished the synthesis of a new compound. You have purified 

your product and stored the crystalline solid in a vial. Now you must verify 

the composition of your new compound and determine its molecular for¬ 

mula. You use analytical procedures to determine the relative masses of 

each element in the compound and calculate the percent composition. 

Figure 10.13 Potassium chromate (K2Cr04) is 
composed of 40.3% potassium, 26.8% chromium, and 
32.9% oxygen. Interpreting Diagrams How does 

this percent composition differ from the percent 
composition of potassium dichromate (K2Cr207), a 
compound composed of the same three elements? 

Guide for Reading 

<T^ Key Concepts 
• How do you calculate the 

percent by mass of an element 

in a compound? 

» What does the empirical 

formula of a compound show? 

• How does the molecular 

formula of a compound 

compare with the empirical 

formula? 

Vocabulary 
percent composition 

empirical formula 

Reading Strategy 
Comparing and Contrasting 

When you compare and contrast 

things, you examine how they are 

alike and different. As you read, list 

the similarities and differences 

between empirical and molecular 

formulas. 

K2Cr04 

26.8% Cr 32.9% O 

40.3% K 

Potassium chromate, K2Cr04 

K2Cr207 

Potassium dichromate, K2Cr207 
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For help with percents 

go to page R72. 

SAMPLE PROBLEM 10.9 
TiTiTrimr j! ±E 

"T~- j -i j -h (■)-{ i |'H H' iihi-l-iii-iiii-' 444 ill 

Calculating Percent Composition from Mass Data 

When a 13.60-g sample of a compound containing only magnesium 

and oxygen is decomposed, 5.40 g of oxygen is obtained. What is the 

percent composition of this compound? 

? % Mg 

?% O 

^ Analyze List the knowns and the unknowns. 

Knowns Unknowns 

• mass of compound = 13.60 g • percent Mg 

• mass of oxygen = 5.40 g 0 • percent 0 

• mass of magnesium = 

13.60 g - 5.40 g = 8.20 g Mg 

The percent by mass of an element in a compound is the mass of that 

element divided by the mass of the compound multiplied by 100%. 

Calculate Solve for the unknown. 

mass of Mg 

mass of compound 

60.3% 

mass of O 

% Mg X 100% 
8.20 g 

%0 
mass of compound 

39.7% 

X 100% 

13.60 g 

5.40 g 

X 100% 

13.60 g 
X 100% 

Ijp Evaluate Does the result make sense? 

The percents of the elements add up to 100%: 

60.3% + 39.7% = 100%. 

Practice Problems 
9 

Atornrthm 
^Textbook 

Problem-Solving 10.33 
Solve Problem 33 with the 

help of an interactive guided 

tutorial. 

A compound is formed when 33. 

9.03 g Mg combines com¬ 

pletely with 3.48 g N. What is 

the percent composition of 

this compound? 

When a 14.2-g sample of mer- 

cury(II) oxide is decomposed 

into its elements by heating, 

13.2 g Ilg is obtained. What is 

the percent composition of the 

compound? 

Sr 

Figure 10.14 The percent 

composition of water is always 

the same regardless of the 

volume of the water sample. 
A sample of water is always 

11.1% Hand 88.9% O by mass. 
Ax: 

.with ChemASAP 
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Percent Composition from the Chemical Formula You can also 

calculate the percent composition of a compound if you know only its 

chemical formula. The subscripts in the formula of the compound are used 

to calculate the mass of each element in a mole of that compound. The 

sum of these masses is the molar mass. Using the individual masses of the 

elements and the molar mass you can calculate the percent by mass of 

each element in one mole of the compound. Divide the mass of each ele¬ 

ment by the molar mass and multiply the result by 100%. 

% mass = 
mass of element in 1 mol compound 

molar mass of compound 
x 100% 

The percent composition of a compound is always the same, as Figure 

10.14 on the preceding page indicates. 

<g£ CheckpoinT) How can you determine the percent by mass of an element in 

a compound if you know only the compound's formula? 

Go inline c 
INKS 

For: Links on Percent 
Composition 

Visit: www.SciLinks.org 
Web Code: cdn-1103 

SAMPLE PROBLEM 10.10 

Calculating Percent Composition from a Formula 

Propane (C3H8), the fuel commonly used in gas grills, is one of the 

compounds obtained from petroleum. Calculate the percent compo¬ 

sition of propane. 

Analyze List the knowns and the unknowns. 

Knowns Unknowns 
• mass of C in 1 mol C3H8 = 36.0 g • percent C = ? % C 

• mass of H in 1 mol C3H8 = 8.0 g • percent H = ? % H 

• molar mass of C3H8 = 44.0 g/mol 

Calculate the percent by mass of each element by dividing the mass of 

that element in one mole of the compound by the molar mass of the 

compound and multiplying by 100%. 

M Calculate Solve for the unknowns. 

mass of C 
%C = 

% H = 

mass of propane 
x 100% 

36.0 g 
44.0 g 

mass of H v , nn<v _ § 

mass of propane 44.0 g 

X 100% = 81.8% 

x 100% = 18% 

n Evaluate Does the result make sense? 

The percents of the elements add up to 100% when the answers are 

expressed to two significant figures. 

Practice Problems 

34. Calculate the percent compo¬ 

sition of these compounds. 

a. ethane (C2H6) 

b. sodium hydrogen sulfate 

(NaHS04) 

Ttrrrrfrf '3 
-rmtlitm m - is 

Trbrrdr't'rH'r 

35. Calculate the percent nitrogen 

in these common fertilizers, 

a. NH, 

nh4no3 

Handbook 

For help with significant 
figures go to page R59. 

V._:_./ 

© 

Problem-Solving 10.35 
Solve Problem 35 with the 
help of an interactive guided 
tutorial. 

>..— with ChemASAP 

Textbook 
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Percent Composition 

b sto 
a 
as 

Purpose 

To measure the percent of 

water in a series of crystal¬ 

line compounds called 

hydrates. 

Materials 

centigram balance 

Bunsen burner 

3 medium-sized test 

tubes 

test tube holder 

test tube rack 

spatula 

hydrated salts of cop- 

per(ll) sulfate, calcium 

chloride, and sodium 

sulfate 

Procedure 

1. Label each test tube with the name of a 

salt. Measure and record the masses. 

2. Add 2-3 g of salt (a good-sized spatula 

full) to the appropriately labeled test 

tube. Measure and record the mass of 

each test tube and salt. 

3. Hold one of the tubes at a 45° angle 

and gently heat its contents over the 

burner, slowly passing it in and out of 

the flame. Note any change in the 

appearance of the solid salt. 

4. As moisture begins to condense in the 

upper part of the test tube, gently heat 

the entire length of the tube. Continue 

heating until all of the moisture is 

driven from the tube.This may take 2- 

3 minutes. Repeat Steps 3 and 4 for the 

other two tubes. 

5. Allow each tube to cool.Then measure 

and record the mass of each test tube 

and the heated salt. 

Analyze and Conclude 

1. Set up a data table so that you can 

subtract the mass of the empty tube 

from the mass of the salt and the test 

tube, both before and after heating. 

2. Calculate the difference between the 

mass of each salt before and after heat¬ 

ing.This difference represents the 

amount of water lost by the hydrate on 

heating. 

3. Calculate the percent by mass of water 

lost by each compound. 

4. Which compound lost the greatest per¬ 

cent by mass of water? The smallest? 

Percent Composition as a Conversion Factor You can use percent 

composition to calculate the number of grams of any element in a specific 

mass of a compound. To do this, multiply the mass of the compound by a 

conversion factor based on the percent composition of the element in the 

compound. Suppose you want to know how much carbon and hydrogen 

are contained in 82.0 g of propane. In Sample Problem 10.10, you found 

that propane is 81.8% carbon and 18% hydrogen. That means that in a 

100-g sample of propane, you would have 81.8 g of carbon and 18 g of 

hydrogen. You can use the ratio 81.8 g C/100 g C3H8 to calculate the mass 

of carbon contained in 82.0 g of propane (C3H8). 

81.8 g C 
82'°g'G3H8 x 100 gGjft,, _67'lgC 

Using the ratio 18 g H/100 g C3H8,you can calculate the mass of hydrogen. 

82.0 g-GjHg X ! oo g8G3If(! = 15 8 H 

The sum of the two masses equals 82 g, the sample size, to two significant 

figures (67.1 gC + 15gH = 82gC3H8). 

How many grams of hydrogen are contained in a 100-g 

sample of propane? 
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^^9 
1 carbon atom 

C02 molecule composed of and 
2 oxygen atoms 

MICROSCOPIC INTERPRETATION 

C02 

I MACROSCOPIC INTERPRETATION 

6.02 x 1023 carbon atoms 
(1 mol C atoms) 

1 mol C02 composed of and 

2 x (6.02 x 1023) oxygen atoms 
(2 mol 0 atoms) 

Empirical Formulas 
A useful formula for cooking rice is to use one cup of rice and two cups of 

water. If a larger amount of rice is needed, you could double or triple the 

amounts, for example, two cups of rice and four cups of water. The formu¬ 

las for some compounds also show a basic ratio of elements. Multiplying 

that ratio by any factor can produce the formulas for other compounds. 

The percent composition of your newly synthesized compound is the 

data you need to calculate the basic ratio of the elements contained in the 

compound. The basic ratio, called the empirical formula, gives the lowest 

whole-number ratio of the atoms of the elements in a compound. For 

example, a compound may have the empirical formula C02. The empirical 

formula shows the kinds and lowest relative count of atoms or moles of 

atoms in molecules or formula units of a compound. Figure 10.15 shows 

that empirical formulas may be interpreted at the microscopic (atomic) or 

macroscopic (molar) level. 

An empirical formula may or may not be the same as a molecular for¬ 

mula. For example, the lowest ratio of hydrogen to oxygen in hydrogen per¬ 

oxide is 1:1. Thus the empirical formula of hydrogen peroxide is HO. The 

actual molecular formula of hydrogen peroxide has twice the number of 

atoms as the empirical formula. The molecular formula is (HO) x 2, or 

H202. But notice that the ratio of hydrogen to oxygen is still the same, 1:1. 

The empirical formula of a compound shows the smallest whole-number 

ratio of the atoms in the compound. The molecular formula tells the actual 

number of each kind of atom present in a molecule of the compound. For 

carbon dioxide, the empirical and molecular formulas are the same—C02. 

Figure 10.16 shows two compounds of carbon having the same empirical 

formula (CH) but different molecular formulas. 

Figure 10.16 Ethyne (C2H2), also called acetylene, is a gas used in 

welder's torches. Styrene (C8H8) is used in making polystyrene. 
These two compounds have the same empirical formula. 
Calculating What is the empirical formula of ethyne and styrene? 

Figure 10.15 A formula can be 
interpreted on a microscopic 

level in terms of atoms or on a 

macroscopic level in terms of 

moles of atoms. 

Word Origins 
Empirical comes from the 

Latin word empiricus meaning 

a doctor relying on experi¬ 

ence alone. An empirical for¬ 

mula must be obtained from 

experimental data. Thus, an 

empirical formula relies on 

experience. Is a molecular 

formula also based on 

experimental data? 
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fV>ath Handbook 

For help with dimensional 
analysis go to page R66. 

Textbook 
Problem-Solving 10.37 
Solve Problem 37 with the 
help of an interactive guided 
tutorial. 

with ChemASAP 

SAMPLE PROBLEM 10.11 

Determining the Empirical Formula of a Compound 

A compound is analyzed and found to contain 25.9% nitrogen and 

74.1% oxygen. What is the empirical formula of the compound? 

Analyze List the knowns and the unknown. 

Knowns Unknown 
• percent of nitrogen = 25.9% N • Empirical formula = N,0? 

• percent of oxygen = 74.1% O 

The percent composition tells the ratio of the mass of nitrogen atoms 

to the mass of oxygen atoms in the compound. Change the ratio of 

masses to a ratio of moles by using conversion factors based on the 

molar mass of each element. Then reduce this ratio to the lowest 

whole-number ratio. 

Calculate Solve for the unknown. 

Because percent means parts per 100, you can assume that 100.0 g of 

the compound contains 25.9 g N and 74.1 g O. Use these values to 

convert to moles. 

25.9 ^x i#o|n = L85rnolN 

74'1^X16]o|8 = 4-63mo10 

The mole ratio of nitrogen to oxygen is NL8S04.63. But formulas must 

have whole-number subscripts. Divide each molar quantity by the 

smaller number of moles. This gives 1 mol for the element with the 

smaller number of moles. 

1.85 mol N 
1 mol N; 

4.63 mol O 
2.50 mol O 

1.85 1.85 

The result, NjO^, still has a subscript that is not a whole number. To 

obtain the lowest whole-number ratio, multiply each part of the ratio 

by the smallest whole number (in this case 2) that will convert both 

subscripts to whole numbers. 

1 mol N X 2 = 2 mol N 

2.5 mol 0x2 = 5 mol O 

The empirical formula is N205. 

<0 Evaluate Does the result make sense? 

The subscripts are whole numbers, and the percent composition of this 

empirical formula equals the percents given in the original problem. 

Practice Problems 

36. Calculate the empirical 

formula of each compound. 

a. 94.1% O, 5.9% H 

b. 67.6% Hg, 10.8% S, 

21.6% O 

37. 1,6-diaminohexane is used to 

make nylon. What is the empir¬ 

ical formula of this compound 

if it is 62.1% C, 13.8% H, and 

24.1% N? 
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r Table 10.3^ 

Comparison of Empirical and Molecular Formulas 

Formula (name) Classification of formula Molar mass 

CH Empirical 13 

C2H2 (ethyne) Molecular 26 (2 X 13) 

C6H6(benzene) Molecular 78 (6 X 13) 

CH20 (methanal) Empirical and Molecular 30 

C2H402 (ethanoic acid) Molecular 60 (2 X 30) 

C6H1206(glucose) Molecular 180 (6 X 30) 

Molecular Formulas 
Look at the compounds listed in Table 10.3. Ethyne and benzene 

have the same empirical formula—CH. Methanal, ethanoic 

acid, and glucose, shown in Figure 10.17 have the same empiri¬ 

cal formula—CH?0. But the compounds in these two groups 

have different molar masses. Their molar masses are simple 

whole-number multiples of the molar masses of the empirical 

formulas, CH and CH20. The molecular formula of a com¬ 

pound is either the same as its experimentally determined 

empirical formula, or it is a simple whole-number multiple of 

its empirical formula. 

Once you have determined the empirical formula of your 

newly synthesized compound, you can determine its molecular 

formula, but you must know the compound’s molar mass. A 

chemist often uses an instrument called a mass spectrometer to 

determine molar mass. The compound is broken into charged 

fragments (ions) that travel through a magnetic field. The mag¬ 

netic field deflects the particles from their straight-line paths. 

The mass of the compound is determined from the amount of 

deflection experienced by the particles. 

From the empirical formula, you can calculate the empirical 

formula mass (efm). This is simply the molar mass represented 

by the empirical formula. Then you can divide the experimen¬ 

tally determined molar mass by the empirical formula mass. 

This gives the number of empirical formula units in a molecule 

of the compound and is the multiplier to convert the empirical 

formula to the molecular formula. For example, recall that the 

empirical formula of hydrogen peroxide is HO. Its empirical for¬ 

mula mass is 17.0 g/mol. The molar mass of H202 is 34.0 g/mol. 

34.0 g/mol 

17.0 g/mol 

To obtain the molecular formula of hydrogen peroxide from its empirical 

formula, multiply the subscripts in the empirical formula by 2. (HO) X 2 = H202. 

(Checkpoint } How does the molecular formula for a compound relate to its 

empirical formula? 

**0* <$ jt|'- m 
* 

["methane 
I 3 7% sol- 

Figure 10.17 Methanal 

(formaldehyde), ethanoic acid 
(acetic acid), and glucose have 
the same empirical formula. 
Applying Concepts How 

could you easily obtain the 
molar mass of glucose using the 

molar mass of methanal? 
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SAMPLE PROBLEM 10.12 

Finding the Molecular Formula of a Compound 

Calculate the molecular formula of a compound whose molar mass is 

60.0 g/mol and empirical formula is CH4N. 

Analyze List the knowns and the unknown. 

Knowns Unknown 

• empirical formula = CH4N • molecular formula = ? 

• molar mass = 60.0 g/mol 

Calculate Solve for the unknown. 

First calculate the empirical formula mass. Then divide the molar mass 

by the empirical formula mass to obtain a whole number. To get the 

molecular formula, multiply the formula subscripts by this value. 

Empirical formula efm Molar mass/efm Molecular formula 

ch4n 30.0 60.0/30.0 = 2 c2h8n2 

||j Evaluate Does the result make sense? 

The molecular formula has the molar mass of the compound. 

Practice Problems 

38. Find the molecular formula 39. Which pair of molecules has 

of ethylene glycol, which is the same empirical formula? 

used as antifreeze. The molar a. C2H402, C6H1206 

mass is 62 g/mol and the b. NaCr04, Na2Cr207 

empirical formula is CHaO. 

Textbook 

Problem-Solving 10.38 
Solve Problem 38 with the 
help of an interactive guided 
tutorial. 

.with ChemASAP 

10.3 Section Assessment 

40. Key Concept How do you calculate the percent 

by mass of an element in a compound? 

41. Key Concept What information can you obtain 

from an empirical formula? 

42. Key Concept How is the molecular formula of a 

compound related to its empirical formula? 

43. Calculate the percent composition of the com¬ 

pound that forms when 222.6 g N combines com¬ 

pletely with 77.4 g O. 

44. Calculate the percent composition of calcium ace¬ 

tate (Ca(C2H302)2). 

45. The compound methyl butanoate smells like apples. 

Its percent composition is 58.8% C, 9.8% H, and 

31.4% O and its molar mass is 102 g/mol. What is its 

empirical formula? What is its molecular formula? 

46. What is an empirical formula? Which of the follow¬ 

ing molecular formulas are also empirical formulas? 

a. ribose (C5H10O5) 

b. ethyl butyrate (C6H1202) 

c. chlorophyll (C55H72MgN405) 
d. DEET (C12H17ON) 

Handbook 

Calcium Select three important compounds that 
contain calcium from among those discussed on 

page R11 of the Elements Handbook. Determine the 
percent of calcium in each. 

Textbook 

Assessment 10.3 Test yourself 
on the concepts in Section 10.3. 

_with ChemASAP 
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Technology 8c Society 

Drug Testing 

A test to identify an abused substance in the body must 

be extremely accurate. A false-positive result could ruin 

a career. A false-negative result could endanger lives. 

The best method currently available to test for drug 

abuse is the gas chromatography/mass spectrometer 

system, or GC/MS. Gas chromatography separates a 

chemical mixture and identifies its components. Mass 

spectrometry uses masses to verify the identification. 

Used together,the GC/MS testing is nearly 100% reliable. 

Interpreting Diagrams What is the purpose of the 

separation column? 

Testing athletes The results of a drug 

test could keep an athlete out of an 

upcoming event, and possibly off the 

team permanently. 

The sample to be tested, 

such as urine or blood 

serum, is vaporized and mixed 

with an unreactive carrier gas 

such as helium. The resulting 

gas mixture is forced through 

a separation column. 

Technology and Society 313 

The separation column is packed with a 

material that interacts physically with the 

vaporized sample. Components of the mixture 

move at different rates along the column and 

then pass through a detector. 

Each peak on a gas chromatogram 

shows the retention time for a 

component. Retention time is used to 

identify compounds. 

DThe separated component 

enters a mass spectrometer 

where its identity is confirmed. 

tSUmm 



• One mole of any gas occupies a volume of 
22.4 L at standard temperature and pressure. 
One mole of any substance contains 
Avogadro’s number of particles, so 22.4 L of 
any gas at STP contains 6.02 x 1023 represen¬ 
tative particles of that gas. 

<T^ 10.3 Percent Composition and Chemical 
Formulas 
• To determine the percent by mass of any 

element in a given compound, divide the 
element’s mass by the mass of the com¬ 
pound and multiply by 100%. 

• An empirical formula of a compound is the 
simplest whole-number ratio of atoms of the 
elements in the compound. 

• The molecular formula of a compound is 
either the same as its experimentally deter¬ 
mined empirical formula, or it is a simple 
whole-number multiple of it. 

Vocabulary 

10.1 The Mole: A Measurement of Matter 
• Three methods for measuring the amount of 

a substance are by count, by mass, and by 
volume. 

• A mole of any substance always contains 
Avogadro’s number of representative parti¬ 
cles, or 6.02 X 1023 representative particles. 

• The atomic mass of an element expressed in 
grams is the mass of a mole of the element. 

• To calculate the molar mass of a compound, 
find the number of grams of each element con¬ 
tained in one mole of the compound. Then add 
the masses of the elements in the compound. 

10.2 Mole-Mass and Mole-Volume Relationships 
• The molar mass of an element or compound 

is the conversion factor for converting 
between the mass and the number of moles 
of a substance. 

• Avogadro’s hypothesis (p. 300) 

• Avogadro’s number (p. 290) 

• empirical formula (p. 309) 

Key Equations 

• molar mass (p. 294) 

• molar volume (p. 300) 

• mole (mol) (p. 290) 

• percent composition (p. 305) 

• representative particle (p. 290) 

• standard temperature and 

pressure (STP) (p. 300) 

moles = representative particles x 

representative particles = moles X 

mass (grams) = number of moles X 

1 mole 

1 mole 
6.02 X 1023 representative particles 

6.02 x 1023 representative particles 

1 mole 

mass (grams) 

1 mole 

moles = mass (grams) X 

grams 

mole 
grams ^ 22.4 L 

1 mole 

mass (grams) * volume of §as = moles of §as X fink 

• % mass of element = mass °f element x 100% 
mass ol compound 

Organizing Information 

Organize the major ideas of the chapter. 

iferacfive 
Textbook 

Concept Map 10 Solve 
the Concept Map with the 
help of an interactive tutorial. 

_with ChemASAP 

Avogadro's 
number 

Percent Representative 
composition particle 

Standard temperature 
and pressure (STP) 
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Assessment 

Reviewing Content 

10.1 The Mole: A Measurement of Matter 

47. List three common ways that matter is mea¬ 

sured. Give examples of each. 

48. Name the representative particle (atom, mol¬ 

ecule, or formula unit) of each substance. 

a. oxygen gas b. sodium sulfide 

c. sulfur dioxide d. potassium 

49. How many hydrogen atoms are in a representa¬ 

tive particle of each substance? 

a. Al(OH)3 b. H2C204 

c. (NH4)2HP04 d. C4H10O 

50. Which contains more molecules: 1.00 mol H202, 

1.00 mol C2H6, or 1.00 mol CO? 

51. Which contains more atoms: 1.00 mol H202, 

1.00 mol C2H6, or 1.00 mol CO? 

52. Find the number of representative particles in 

each substance. 

a. 3.00 mol Sn b. 0.400 mol KC1 

c. 7.50 mol S02 d. 4.80 x 10"3 mol Nal 

53. Calculate the molar mass of each substance, 

a. H3P04 b. N203 c. CaC03 

d. (NH4)2S04 e. C4H902 f. Br2 

54. Calculate the mass of 1.00 mol of each of these 

substances. 

a. silicon dioxide (Si02) 

b. diatomic nitrogen (N2) 

c. iron(III) hydroxide (Fe(OH)3) 

d. copper (Cu) 

55. List the steps you would take to calculate the 

molar mass of any compound. 

56. What is the molar mass of chlorine? 

57. Construct a numerical problem to illustrate the 

size of Avogadro’s number. Exchange problems 

with a classmate and then compare your answers. 

10.2 Mole-Mass and Mole-Volume Relationships 

58. How many moles is each of the following? 

a. 15.5 g Si02 b. 0.0688 g AgCl 

c. 79.3 g Cl2 d. 5.96 g KOH 

e. 937 g Ca(C2H302)2 f. 0.800 g Ca 

59. Find the mass of each substance. 

a. 1.50 mol C5H12 b. 14.4 mol F2 

c. 0.780 mol Ca(CN)2 d. 7.00 mol H202 

e. 5.60 mol NaOH f. 3.21 X 10 2 mol Ni 

60. Calculate the volume of each of the following 

gases at STP. 

a. 7.6 mol Ar b. 0.44 mol C2H6 

61. What is the density of each of the following 

gases at STP? 

a. C3H8 b. Ne c. NOz 

62. Find each of the following quantities. 

a. the volume, in liters, of 835 g S03 at STP 

b. the mass, in grams, of a molecule of aspirin 

(C9H804) 

c. the number of atoms in 5.78 mol NH4N03 

10.3 Percent Composition and Chemical Formulas 

63. Calculate the percent composition of each 

compound. 

a. H2S b. (NH4)2C204 

c. Mg(OH)2 d. Na3P04 

64. Using your answers from Problem 63, calculate 

the number of grams of these elements. 

a. sulfur in 3.54 g H2S 

b. nitrogen in 25.0 g (NH4)2C204 

c. magnesium in 97.4 g Mg(OH)2 

d. phosphorus in 804 g Na3P04 

65. Which of the following compounds has the 

highest iron content? 

a. FeCl2 b. Fe(C2H302)3 

c. Fe(OH)2 d. FeO 

66. You find that 7.36 g of a compound has decom¬ 

posed to give 6.93 g of oxygen. The only other 

element in the compound is hydrogen. If the 

molar mass of the compound is 34.0 g/mol, 

what is its molecular formula? 

67. Which of the following can be classified as an 

empirical formula? 

a. S2C12 b. C6H10O4 c. Na2S03 

68. What is the molecular formula for each com¬ 

pound? Each compound’s empirical formula 

and molar mass is given. 

a. CH20, 90 g/mol b. HgCl, 472.2 g/mol 

69. Determine the molecular formula for each 

compound. 

a. 94.1% O and 5.9% H; molar mass = 34 g 

b. 50.7% C, 4.2% H, and 45.1% O; molar 

mass = 142 g 
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Assessment continued 

r Understanding Concepts 

70. How can you determine the molar mass of a 

gaseous compound if you do not know its 

molecular formula? 

71. A series of compounds has the empirical for¬ 

mula CH20. The graph shows the relationship 

between the molar mass of the compounds and 

the mass of carbon in each compound. 

75. Determine the empirical formulas of com¬ 

pounds with the following percent composi¬ 

tions. 

a. 42.9% C and 57.1% 0 

b. 32.00% C, 42.66% 0, 18.67% N, and 6.67% H 

c. 71.72% Cl, 16.16% 0, and 12.12% C 

76. An imaginary “atomic balance” is shown below. 

Fifteen atoms of boron on the left side of the 

balance are balanced by six atoms of an 

unknown element E on the right side. Molar mass vs. mass of carbon 

Mass of C in compound (g) 

a. What are the molecular formulas for the com¬ 

pounds represented by data points A, D, and 

E? 

b. Find the slope of the line. Is this value consis¬ 

tent with the empirical formula? Explain. 

c. Two other valid data points fall on the line 

between points A and D. What are the x, y 

values for these data points? 

72. Explain what is wrong with each statement. 

a. One mole of any substance contains the same 

number of atoms. 

b. A mole and a molecule of a substance are 

identical in amount. 

c. One molar mass of C02 contains Avogadro’s 

number of atoms. 

a. What is the atomic mass of element E? 

b. What is the identity of element E? 

77. A typical virus is 5 x 10“6 cm in diameter. If 

Avogadro’s number of these virus particles were 

laid in a row, how many kilometers long would 

the line be? 

78. Calculate the empirical formula for each com¬ 

pound. 

a. compound consisting of 0.40 mol Cu and 0.80 

mol Br 

b. compound with 4 atoms of carbon for every 12 

atoms of hydrogen 

79. Muscle fatigue can result from the buildup of 

lactic acid resulting from overexercising. The per¬ 

cent composition of lactic acid is 40.0% C, 6.67% 

H, and 53.3% O. What is the molecular formula of 

lactic acid if its molar mass is 90.0 g/mol? 

73. Which of the following contains the largest 

number of atoms? 

a. 82.0 g Kr b. 0.842 mol C2H4 

c. 36.0 g N2 

74. What is the total mass of a mixture of 3.50 X 1022 

formula units Na2S04, 0.500 mol H20, and 7.23 g 

AgCl? 

80. How many water molecules are in a 1.00-L bottle 

of water? The density of water is 1.00 g/mL. 

81. The molecular formula of an antibacterial drug 

is C17H18FN303. How many fluorine atoms are in 

a 150-mg tablet of this drug? 

82. What mass of helium is needed to inflate a bal¬ 

loon to a volume of 5.50 L at STP? 
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Critical Thinking 

83. What is the empirical formula of a compound 

that has three times as many hydrogen atoms as 

carbon atoms, but only half as many oxygen 

atoms as carbon atoms? 

84. How are the empirical and molecular formulas of 

a compound related? 

85. Why does one mole of carbon have a smaller 

mass than one mole of sulfur? How are the 

atomic structures of these elements different? 

86. One mole of any gas at STP equals 22.4 L of that 

gas. It is also true that different elements have 

different atomic volumes, or diameters. How can 

you reconcile these two statements? 

87. The graph shows the percent composition of 

phenylalanine. 

Percent Composition 

of Phenylalanine 

80 

60 

40 

20 

CHON 

a. What is the empirical formula for phenylala¬ 

nine? 

b. If the molar mass of phenylalanine is 

165.2 g/mol, what is its molecular formula? 

c 
0) 

E 
0) 

LU 

O 

Concept Challenge 

88. Nitroglycerine contains 60% as many carbon 

atoms as hydrogen atoms, three times as many 

oxygen atoms as nitrogen atoms, and the same 

number of carbon and nitrogen atoms. The 

number of moles of nitroglycerine in 1.00 g is 

0.00441. What is the molecular formula of nitro¬ 

glycerine? 

89. The density of nickel is 8.91 g/cm3. How large a cube, 

in cm3, would contain 2.00 X 1024 atoms of nickel? 

90. Dry air is about 20.95% oxygen by volume. 

Assuming STP how many oxygen molecules are 

in a 75.0-g sample of air? The density of air is 

1.19 g/L. 

91. The table below gives the molar mass and 

<j=j density of seven gases at STP. 

Substance Molar mass (g) Density (g/l) 

Oxygen 32.0 1.43 

Carbon dioxide 44.0 1.96 

Ethane 30.0 1.34 

Hydrogen 2.0 0.089 

Sulfur dioxide 64.1 2.86 

Ammonia 17.0 0.759 

Fluorine 38.0 1.70 

a. Plot these data, with density on the x-axis. 

b. What is the slope of the straight-line plot? 

c. What is the molar mass of a gas at STP that has 

a density of 1.10 g/L? 

d. A mole of a gas at STP has a mass of 56.0 g. Use 

the graph to determine its density. 

92. A cubic meter of seawater contains 6 X 10 6 g 

gold. If the total mass of the water in Earth’s 

oceans is 4 X 1020 kg, how many kilograms of gold 

are distributed throughout the oceans? (Assume 

that the density of seawater is 1 g/cm3.) How 

many liters of seawater would have to be pro¬ 

cessed to recover 1 kg of gold (which has a value 

of about $12,500 at 2003 prices)? Do you think 

this recovery operation is feasible? 

93. Avogadro’s number has been determined by 

about 20 different methods. In one approach, 

the spacing between ions in an ionic substance 

is determined by using a technique called X-ray 

diffraction. X-ray diffraction studies of sodium 

chloride have shown that the distance between 

adjacent Na1 and Cl ions is 2.819 X 10-8 cm. 

The density of solid NaCl is 2.165 g/cm3. By 

calculating the molar mass to four significant 

figures, you can determine Avogadro’s number. 

What value do you obtain? 
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CHAPTER 

10 Assessment continued 

Cumulative Review 

94. Identify at least one chemical change and two 

physical changes that are occurring in the 

photo. {Chapter 2) 

95. Classify each of the following as a physical 

change or a chemical change. {Chapter 2) 

a. an aspirin tablet is crushed to a powder 

b. a red rose turns brown 

c. grape juice turns to wine 

d. fingernail polish remover evaporates 

e. a bean seed sprouts 

f. a piece of copper is beaten into a thin sheet 

96. Which of these statements are true about every 

solution? {Chapter 2) 

a. Solutions are in the liquid state. 

b. Solutions are homogeneous. 

c. Solutions are mixtures. 

d. Solutions are composed of at least two com¬ 

pounds. 

97. A student writes down the density of table 

sugar as 1.59 and the density of carbon dioxide 

as 1.83. Can these values be correct? Explain. 

{Chapter 3) 

98. A block of wood measuring 2.75 cm X 4.80 cm 

X 7.50 cm has a mass of 84.0 g. Will the block of 

wood sink or float in water? {Chapter 3) 

99. Convert each of the following. {Chapter 3) 

a. 4.72 g to mg 

b. 2.7 x 103 cm/s to km/h 

c. 4.4 mm to dm 

100. How many protons, electrons, and neutrons are 

in each isotope? {Chapter 4) 

a. zirconium-90 b. palladium-108 

c. bromine-81 d. antimony-123 

101. Write the complete electron configuration for 

each atom. {Chapter 5) 

a. fluorine b. lithium c. rubidium 

102. Why do the elements magnesium and barium 

have similar chemical and physical properties? 

{Chapter 6) 

103. Which of the following are transition metals: Cr, 

Cd, Ca, Cu, Co, Cs, Ce? {Chapter 6) 

104. How can the periodic table be used to infer the 

number of valence electrons in an atom? 

{Chapter 7) 

105. How does a molecule differ from an atom? 

{Chapter 8) 

106. Draw electron dot structures and predict the 

shapes of the following molecules. {Chapter 8) 

a. PH3 b. CO c. CS2 d. CF4 

107. How are single, double, and triple bonds indi¬ 

cated in electron dot structures? {Chapter 8) 

108. Give an example of each of the following. 

{Chapter 8) 

a. coordinate covalent bonding 

b. resonance structures 

c. exceptions to the octet rule 

109. Explain how you can use electronegativity val¬ 

ues to classify a bond as nonpolar covalent, 

polar covalent, or ionic. {Chapter 8) 

110. Identify any incorrect formulas among the fol¬ 

lowing. {Chapter 9) 

a. H202 b. NaI04 c. SrO 

d. CaS2 e. CaHP04 f. BaOH 

111. Name these compounds. {Chapter 9) 

a. Fe(OH)3 b. NH4I 

c. Na,C03 d. CC14 

112. Write formulas for these compounds. {Chapter 9) 

a. potassium nitrate b. copper(II) oxide 

c. magnesium nitride d. silver fluoride 
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Standardized Test Prep 

Test-Taking Tip 

Wear a Watch. Be aware of how many questions 

you have to answer and how much time you 

have to answer them. Look at your watch or a 

clock frequently to keep track of your progress. 

1. Choose the term that best completes the second 

relationship. 

a. dozen: eggs 

mole:_ 

(A) atoms (B) 6.02 X 1023 

(C) size (D) grams 

b. mole: Avogadro’s number 

molar volume:_ 

(A) mole (B) water 

CC) STP (D) 22.4 L 

Select the choice that best answers each question or 

completes each statement. 

2. Calculate the molar mass of ammonium 

phosphate, (NH4)3P04. 

a. 149.0 g/mol b. 113.0g/mol 

c. 242.0 g/mol d. 121.0 g/mol 

3. Based on the structural formula below, what is 

the empirical formula for tartaric acid, a 

compound found in grape juice? 

HO —CH —COOH 

HO — CH — COOH 

a. C2H303 b. C4H606 

c. CHO d. C1H1.50I5 

4. How many hydrogen atoms are in six molecules 

of ethylene glycol, HOCH2CH2OH? 

a. 6 b. 36 

c. 6 X 6.02 X 1023 d. 36 X 6.02 X 1023 

5. Which of these statements is true of a balloon 

filled with 1.00 mol N2(g) at STP? 

I. The balloon has a volume of 22.4 L. 

II. The contents of the balloon have a mass of 

14.0 g. 

III. The balloon contains 6.02 x 1023 molecules, 

a. I only b. I and II only 

c. I and III only d. II and III only 

e. I, II, and III 

6. Which of these compounds has the largest per¬ 

cent by mass of nitrogen? 

a. NzO b. NO c. N02 

d. N203 e. N204 

7. Allicin, C6H10S2O, is the compound that gives 

garlic its odor. A sample of allicin contains 3.0 X 

1021 atoms of carbon. How many atoms of 

hydrogen does this sample contain? 

a. 1.8 X 1021 atoms b. 10 atoms 

c. 5.0 X 1021 atoms d. 1.0 X 1021 atoms 

The lettered choices below refer to Questions 8-12. A 

lettered choice may be used once, more than once, or 

not at all. 

(A) CH (B) CH2 (C) C2H5 

(D) CH3 (E) C2H3 

Which of the formulas is the empirical formula for 

each of the following compounds? 

8. C8H12 9. CgH6 10. C12H24 

11. C2H6 12. C4H10 

Use the ball-and-stick models to answer Questions 

13-15. In the models, carbon is black, hydrogen is 

light blue, oxygen is red, and nitrogen is dark blue. 

Write the molecular formula for each compound. 

Then calculate its molar mass. 

13. 
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Activity 

formed in front of its formula 

INQUIRY 

Modeling Chemical Reactions 

Materials 
36 colored paper clips (12 each of 3 different colors) 

Procedure 

■fifm 

f 

1. Each paper clip represents a single atom. Desig¬ 

nate a different color of paper clip to represent 

atoms of oxygen (O), hydrogen (H),and carbon (C). 

Make two molecules each of hydrogen (H2) and 

methane (CH4) and six molecules of oxygen (02). 

2. "React"one H2 with one 02 by splitting the mole¬ 

cules and joining one oxygen atom to two hydro¬ 

gen atoms. Because there is an unreacted oxygen 

atom, you must react it with another hydrogen 

molecule to form a second water molecule. 

Now "react" methane (CH4) with oxygen (02) to 

produce carbon dioxide (C02) and water (H20). 

Start with one molecule of methane and one mol¬ 

ecule of oxygen. Continue reacting molecules of 

CH4 and 02 until all the reactant atoms have been 

used to form products. 

5. Summarize what happened in this reaction. 

_CH4 + _C02 + 

3. Summarize what happened in this reaction by 

placing the number of each molecule reacted or 

Think About It 

1. Summarize Dalton's atomic theory. 

2. How might the numbers and kinds of atoms to the 

left and right of the arrow (->) in the model 

reactions you performed support this theory? 

■* * 

■ . 



11.1 Describing Chemical Reactions 

On May 6,1937, the huge air- 
Connecting to Your World 

ship Hindenburg was heading for its landing site in Lakehurst, New Jersey, 

after an uneventful trans-Atlantic crossing. Suddenly, to 

the horror of observers on the ground, the airship 

erupted into a fireball. Within a short time, 

210,000 cubic meters of the airship's lifting 

gas, hydrogen, had burned and the airship 

was destroyed.The chemical reaction 

that occurred can be described as 

"hydrogen combines with oxygen to 

produce water." In this section, you will 

learn to represent this chemical reaction 

by a chemical equation. 

Writing Chemical Equations 
Every minute of the day chemical reactions take place—both inside you 

and around you. Not all are as dramatic as the explosion of the Hinden¬ 

burg, but many are more complex. After a meal, a series of chemical reac¬ 

tions take place as your body digests food. Similarly, plants use sunlight to 

Guide for Reading 

(5 Key Concepts 
• How do you write a word 

equation? 

• How do you write a skeleton 

equation? 

• What are the steps in writing a 

balanced chemical equation? 

Vocabulary 
chemical equation 

skeleton equation 

catalyst 

coefficients 

balanced equation 

Reading Strategy 
Relating Text and Visuals As 

you read this section, look at 

the illustrations of equations. 

In your notebook, explain how the 

illustrations demonstrate the 

difference between a balanced 

and unbalanced chemical 

equation. 

drive the photosynthetic processes needed to produce plant growth. 

Although the chemical reactions involved in photosynthesis and digestion 

are different, both chemical reactions are necessary to sustain life. 

In a chemical reaction, one or more reactants change into one or more 

products. Figure 11.1a shows the ingredients for making leavened bread— 

flour, salt, yeast, and water. Chemical reactions take place when the ingre¬ 

dients are mixed together and heated in the oven. Figure 11.1b shows the 

product—a loaf of bread. Chemists use a chemical equation—a quick, 

shorthand notation—to convey as much information as possible about 

what happens in a chemical reaction. 

Figure 11.1 Chemical changes occur when bread 

dough is mixed and baked. © Flour, salt, yeast, 
and water are the ingredients for making 

leavened bread. 
© Reactants in the ingredients undergo chemical 

changes to form the product (baked bread). 
Observing What evidence shows that chemical 

changes have occurred? 



Figure 11.2 Three common 

chemical reactions are shown. 
O When methane gas burns, it 

combines with oxygen to form 
carbon dioxide and water. 

© Iron turns to red-brown rust 
(iron(lll) oxide) in the presence of 
oxygen in the air. Q Hydrogen 

peroxide decomposes to water 

and oxygen when used as an 
antiseptic. 

tion? Recall from Chapter 2 the shorthand method for writing a description 

of a chemical reaction. In this method, the reactants were written on the 

left and the products on the right. An arrow separated them. You read the 

arrow as yields, gives, or reacts to produce. 

Reactants-> products 

How could you describe the rusting of iron shown in Figure 11.2b? You 

could say: “Iron reacts with oxygen to produce iron(III) oxide (rust).” That’s 

a perfectly good description, but it might be quicker and easier to identify 

the reactants and product by means of a word equation. 

Iron + oxygen-> iron (III) oxide 

To write a word equation, write the names of the reactants to the left 

of the arrow separated by plus signs; write the names of the products to 

the right of the arrow, also separated by plus signs. Notice that no plus 

sign is needed on the product side of this equation because iron(III) oxide 

is the only product. 

Have you ever poured the antiseptic hydrogen peroxide on an open cut? 

Bubbles of oxygen gas form rapidly, as shown in Figure 11.2c. The produc¬ 

tion of a new substance, a gas, is evidence of a chemical change. Two new 

substances are produced in this reaction, oxygen gas and liquid water. You 

could describe this reaction by saying, “Hydrogen peroxide decomposes to 

form water and oxygen gas.” You could also write a word equation. 

Hydrogen peroxide-> water + oxygen 

Go inline 
-— 

For: Links on Chemical 
Equations 

Visit: www.SciLinks.org 
Web Code: cdn-1111 J 

When you light a burner on your stove, methane gas bursts into flames 

and produces the energy needed to heat your soup. Methane is the major 

component of natural gas, a common fuel for heating homes and cooking 

food. The burning of methane, as shown in Figure 11.2a, is a chemical reac¬ 

tion. How would you write the word equation for this reaction? Burning a 

substance typically requires oxygen, so methane and oxygen are the reac¬ 

tants. The products are water and carbon dioxide. Thus the word equation 

is this: 

Methane + oxygen-> carbon dioxide + water 

(^fcheckpoint) What does the arrow (->) in a word equation mean? 
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Chemical Equations Word equations adequately describe chemical 

reactions, but they are cumbersome. It’s easier to use the formulas for the 

reactants and products to write chemical equations. A chemical equation is 

a representation of a chemical reaction; the formulas of the reactants (on 

the left) are connected by an arrow with the formulas of the products (on 

the right). Here is a chemical equation for rusting: 

Fe + 02-> Fe203 

Equations that show just the formulas of the reactants and products 

are called skeleton equations. A skeleton equation is a chemical equation 

that does not indicate the relative amounts of the reactants and products. 

The first step in writing a complete chemical equation is to write the skele¬ 

ton equation. Write the formulas of the reactants to the left of the 

yields sign (arrow) and the formulas of the products to the right. 

To add more information to the equation, you can indicate the physi¬ 

cal states of substances by putting a symbol after each formula. Use (s) for a 

solid, (Z) for a liquid, (g) for a gas, and [aq] for a substance in aqueous solu¬ 

tion (a substance dissolved in water). Here is the equation for rusting with 

symbols for the physical states added: 

Fe(s) + 02(g)-xFe203(s) 

In many chemical reactions, a catalyst is added to the reaction mixture. 

A catalyst is a substance that speeds up the reaction but is not used up in 

the reaction. A catalyst is neither a reactant nor a product, so its formula is 

written above the arrow in a chemical equation. For example, Figure 11.3 

shows that the compound manganese(IV) oxide (Mn02(s)) catalyzes the 

decomposition of an aqueous solution of hydrogen peroxide (H202(aq)) to 

produce water and oxygen. 

H20iaq) H20(Z) + 02(g) 

Many of the symbols commonly used in writing chemical equations 

are listed in Table 11.1. 

r Table 11.1 ^ 

Symbols Used in Chemical Equations 

Symbol Explanation 

+ Used to separate two reactants or two products 

-x "Yields," separates reactants from products 

Used in place of-> for reversible reactions 

is) 
Designates a reactant or product in the solid state; placed 

after the formula 
-___ 

(/) 
Designates a reactant or product in the liquid state; 
placed after the formula 

(9) 
Designates a reactant or product in the gaseous state; 
placed after the formula 

iaq) 
Designates an aqueous solution; the substance is dis¬ 
solved in water; placed after the formula 

A j heat j Indicates that heat is supplied to the reaction 

A formula written above or below the yield sign indicates 
its use as a catalyst (in this example, platinum). 

Figure 11.3 Hydrogen peroxide 

decomposes to form water 
and oxygen gas. © Bubbles 
of oxygen appear slowly as 

decomposition proceeds. 

© With the addition of the 
catalyst manganese(IV) oxide 

(Mn02), decomposition speeds 
up. The white "smoke" is 
condensed water vapor. 

Textbook 

Animation 12 Relate 
chemical symbols and 
formulas to the information 
they communicate. 

with ChemASAP 
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CONCEPTUAL PROBLEM 11.1 

Writing a Skeleton Equation 

Hydrochloric acid and solid sodium hydrogen carbonate are 

shown before being placed in the beaker to react. The products 

formed are aqueous sodium chloride, water, and carbon diox¬ 

ide gas. Write a skeleton equation for this chemical reaction. 

Analyze Identify the relevant concepts. 

Write the correct formula for each substance 

in the reaction. Separate the reactants from 

the products by means of an arrow. Indicate 

the state of each substance. 

Solve Apply concepts to this situation. 

solid sodium hydrogen carbonate: NaHC03(s) 

hydrochloric acid: HCl(aq') 

aqueous sodium chloride: NaCUag) 

water: H20(/) 

carbon dioxide gas: C02(g) 

NaHC03(s) + HC1(aq)-> NaCl(ary) 

+ H20(Z) + C02(g) 

Practice Problems 

1. Write a sentence that describes this chemical 

reaction. 

Na(s) + H20(Z)-* NaOH(a<7) + H2(g) 

^Textbook 

2. Sulfur burns in oxygen to form sulfur dioxide. 

Write a skeleton equation for this chemical 

reaction. Include appropriate symbols from 

Table 11.1. 

Problem-Solving 11.2 
Solve Problem 2 with the help 
of an interactive guided 
tutorial. 

._with ChemASAP 

Balancing Chemical Equations 
How would you write a word equation for the manufacture of bicycles? 

Simplify your task by limiting yourself to four major components: frames, 

wheels, handlebars, and pedals. Your word equation for making a bicycle 

could read like this. 

Frame + wheel + handlebar + pedal-> bicycle 

(reactants) (product) 

Your word equation shows the reactants (the kinds of parts) and the 

product (a bicycle). But if you were responsible for ordering parts to make a 

bicycle, this word equation would be inadequate because it does not indi¬ 

cate the quantity of each part needed to make one bicycle. 

A standard bicycle is composed of one frame (F), two wheels (W), one 

handlebar (H), and two pedals (P). Using these symbols, the formula for a 

bicycle would be FW2HP2. The skeleton equation for bicycle assembly 

would be this: 

F + W + H + P-> FW2HP2 

This is an unbalanced equation. An unbalanced equation does not 

indicate the quantity of the reactants needed to make the product. A com¬ 

plete description of the reaction must include not only the kinds of parts 

involved but also the quantities of parts required. 
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This is a balanced equation for making a bicycle. It tells you that one 

frame, two wheels, one handlebar, and two pedals produce one bicycle. To 

balance the equation, the number 2 was placed before wheels and pedals. 

The number 1 is understood to be in front of frame, handlebar, and bicycle. 

These numbers are called coefficients—small whole numbers that are 

placed in front of the formulas in an equation in order to balance it. In this 

balanced equation, the number of each bicycle part on the reactant side is 

the same as the number of those parts on the product side. A chemical 

reaction is also described by a balanced equation in which each side of the 

equation has the same number of atoms of each element and mass is con¬ 

served. Real bicycles are being assembled in Figure 11.4. 

Recall that John Dalton’s atomic theory states that as reactants are 

converted to products, the bonds holding the atoms together are broken 

and new bonds are formed. The atoms themselves are neither created 

nor destroyed; they are merely rearranged. This part of Dalton's theory 

explains the law of conservation of mass: In any chemical change, mass is 

conserved. The atoms in the products are the same atoms that were in the 

reactants—they are just rearranged. 

Representing a chemical reaction by a balanced chemical equation is a 

two-step process. To write a balanced chemical equation, first write 

the skeleton equation. Then use coefficients to balance the equation so 

that it obeys the law of conservation of mass. In every balanced equation, 

each side of the equation has the same number of atoms of each element. 

Sometimes a skeleton equation may already be balanced. For example, 

carbon burns in the presence of oxygen to produce carbon dioxide. 

+ 

C(s) + 02(g) 

■> 

■> CO 2ig) 

Figure 11.4 If a bicycle factory 
runs out of any part needed for a 

bicycle, production must stop. 

Reactants Product 

1 carbon atom, 2 oxygen atoms 1 carbon atom, 2 oxygen atoms 

This equation is balanced. One carbon atom and two oxygen atoms are on 

each side of the equation. You do not need to change the coefficients; they 

are all understood to be 1. 

) Checkpoint 1 What is the law of conservation of mass? 



3. The tarnish on the silver fork is silver 

sulfide (Ag,S). Silver becomes tarnished 

when it is exposed to air, egg yolk, or 

rubber bands. Each of these substances 

contains sulfur. Look carefully for a pale 

yellow precipitate of aluminum sulfide 

on the bottom of the beaker. Write the 

formula for aluminum sulfide. 

4. The unbalanced equation for the reac¬ 

tion is 

Ag2S(s) + Al(s)->AI2S3(s) + Ag(s) 

Removing Silver Tarnish 

Materials 
• aluminum foil, 20 cm X 

20 cm 

• large beaker or glass pan 

• tarnished silver fork or 

spoon 

• sodium hydrogen 

carbonate 

• plastic tablespoon 

• hot water 

Procedure 
1 

2. 

3. 

Fill the beaker about three-quarters full 

of hot water and add 2 tablespoons of 

sodium hydrogen carbonate (NaHC03). 

Crush the aluminum foil into a loose 

ball and place it in the beaker. 

Write a brief description of the tar¬ 

nished silver fork, then place it in the 

beaker so that it is touching the alumi¬ 

num ball. 

4. Allow the beaker to stand undisturbed 

for 30 minutes. 

5. Remove the fork and aluminum ball 

and rinse them with water. 

Analyze and Conclude 
1. Compare the silver fork with your 

observations before placing the fork in 

the water. What changes do you 

observe? 

2. Did a chemical reaction occur? How do 

you know? 
Balance the equation. 

What about the equation for the reaction of hydrogen gas and oxygen 

gas? This is the reaction that occurred in the Hindenburg disaster, which 

you read about in Connecting to Your World. When hydrogen and oxygen 

are mixed, a spark will initiate a rapid reaction. The product of the reaction 

is water. This is the equation for the burning of hydrogen: 

9 

Textbook 
Simulation 11 Sharpen your 
skills by balancing chemical 
equations. 

>_with GhemASAP 

+ 

h2(<?) + 
Hydrogen 

02(sr) 
Oxygen 

H20(/) 
Water 

Reactants 

2 hydrogen atoms 
2 oxygen atoms 

Product 

2 hydrogen atoms 
1 oxygen atom 

The formulas for all the reactants and product are correct, but this equation 

is not balanced. Count the atoms on both sides of the equation. Two oxygen 

atoms are on the reactant (left) side of the equation and only one oxygen 

atom is on the product (right) side. As written, the equation does not obey 

the law of conservation of mass and so it does not describe what really hap¬ 

pens. What can you do to balance it? A few guidelines for writing and bal¬ 

ancing equations will help. 
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Rules for Writing and Balancing Equations 

1. Determine the correct formulas for all the 

reactants and products. 

2. Write the skeleton equation by placing the 

formulas for the reactants on the left and 

the formulas for the products on the right 

with a yields sign (->) in between. If two 

or more reactants or products are involved, 

separate their formulas with plus signs. 

3. Determine the number of atoms of each 

element in the reactants and products. 

Count a polyatomic ion as a single unit if it 

appears unchanged on both sides of the 

equation. 

4. Balance the elements one at a time by 

using coefficients. When no coefficient is 

written, it is assumed to be 1. Begin by 

balancing elements that appear only once 

on each side of the equation. Never bal¬ 

ance an equation by changing the sub¬ 

scripts in a chemical formula. Each 

substance has only one correct formula. 

5. Check each atom or polyatomic ion to be 

sure they are equal on both sides of the 

equation. 

6. Make sure all the coefficients are in the 

lowest possible ratio. 

CONCEPTUAL PROBLEM 11.2 

Writing a Balanced Chemical Equation 

Hydrogen and oxygen react to form water. The 

reaction releases enough energy to launch a rocket. 

Write a balanced equation for the reaction. 

Analyze Identify the relevant concepts. 

Apply the rules for balancing equations to the 

skeleton equation describing the reaction. 

Solve Apply concepts to this situation. 

Write correct formulas to give the skeleton 

equation. 

H2(g) + 02(g)-» H20(Z) 

Count the number of each kind of atom. 

Hydrogen is balanced but oxygen is not. If you 

put the coefficient 2 in front of H20, the oxygen 

will be balanced. 

H2(g) + 02(g)-> 2H20(7) 

Now twice as many hydrogen atoms are in 

the product as are in the reactants. To correct 

this, put the coefficient 2 in front of H2. Four 

hydrogen atoms and two oxygen atoms are 

on each side of the chemical equation. The 

equation is now balanced. 

JJ d ** 
2H 2(g) + 02(<?) -> 2H20</) 

Hydrogen Oxygen Water 

Reactants 

4 hydrogen atoms 
2 oxygen atoms 

Products 

4 hydrogen atoms 
2 oxygen atoms 

Practice Problems 

3. Balance each equation. 

a. AgN03 + H2S —-—> Ag2S + HN03 

b. Zn(OH)2 + H3P04->Zn3(P04)2 + H20 

4. Rewrite these word equations as balanced chemi¬ 

cal equations. 

a. hydrogen + sulfur-> hydrogen sulfide 

b. iron(III) chloride + calcium hydroxide-> 

iron(III) hydroxide + calcium chloride 

Lilli v.^ 

Textbook 
Problem-Solving 11.4 Solve 
Problem 4 with the help of an 
interactive guided tutorial. 

■-.with ChemASAP 
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The reaction of copper metal with an aqueous solution of silver nitrate 

is described by this skeleton equation. How can it be balanced? 

Cu(s) + AgN03(ag)-» Cu(N03)2(ag) + Ag(s) 
The nitrate ion appears unchanged on both sides of the equation, so this 

ion can be balanced as a unit. Do this by placing a 2 in front of AgN03. 

Cu(s) + 2AgN03(ag)-> Cu(N03)2(ag) + Ag(s) 
But now the atoms of silver are not balanced. You must add a 2 in front of Ag 

on the product side to balance the atoms of silver. 

Cu(s) + 2AgN03(a<7)-* Cu(N03)2(a^) + 2Ag(s) 
The equation is now balanced because the same number of each kind of 

atom are on both sides of the equation. 

CONCEPTUAL PROBLEM 11.3 

Balancing a Chemical Equation 

Aluminum is a good choice for outdoor furniture because it 

reacts with oxygen in the air to form a thin protective coat of 

aluminum oxide. Balance the equation for this reaction. 

Al(s) + 02(g)-> Al203(5) 

Analyze Identify the relevant concepts. 

Apply the rules for balancing equations. 

Solve Apply concepts to this situation. 

First balance the aluminum by placing the 

coefficient 2 in front of Al(s). 

2Al(s) + 02(g)->A1203(s) 

How can the odd number of oxygen atoms in 

the product (right side) balance the even 

number of oxygen atoms on the left? Any 

whole-number coefficient placed in front of 

the 02 will give an even number of oxygen 

atoms on the left. This is because the coeffi¬ 

cient is always being multiplied by the sub¬ 

script 2. The solution is to multiply the formula 

with the odd number of oxygen atoms by 2. 

2Al(s) + O 2(g)-> 2A1203(s) 

Now six oxygen atoms are on the right. Bal¬ 

ance the oxygens on the left by placing a 3 in 

front of 02. Then rebalance the aluminum by 

changing the coefficient of Al(s) from 2 to 4. 

4Al(s) + 302(g)-» 2A1203(5) 
Suppose the equation for the formation of 

aluminum oxide was written this way. 

8Al(s) + 602(g)-> 4A1203(s) 
Because this equation obeys the law of con¬ 

servation of mass, it is correct. However, equa¬ 

tions are normally written with coefficients in 

their lowest possible ratio. Each of the coeffi¬ 

cients can be divided by 2 to give the previous 

equation, which has the lowest whole- 

number ratio of coefficients. 

Practice Problems 

5. Balance each equation. 

a. FeCl3 + NaOH-» Fe(OH)3 + NaCl 

b. CS2 + Cl2-> CC14 + S2C12 

6. Write and balance this equation, 

calcium hydroxide + sulfuric acid-> 

calcium sulfate + water 

Textbook 
Problem-Solving 11.6 
Solve Problem 6 with the help 
of an interactive guided 
tutorial. 

>-with ChemASAP 

328 Chapter 11 



Hazardous Materials Specialist 
Hazardous materials specialists 

do the vital work of keeping the 

environment safe from harmful 

substances. Backed by regulations 

devised primarily by the Environ¬ 

mental Protection Agency (EPA), 

these specialists are responsible 

for the safe handling, treatment, 

storage, and transportation of 

hazardous materials. They work at 

all levels of government and are 

employed by industries and uni¬ 

versities where dangerous materi¬ 

als are generated or used. Part of 

their jobs may be to educate those 

who need to know, including the 

public, about the rules and reg¬ 

ulations applied to hazardous 

materials. 

Hazardous materials specialists 

often work in the field inspecting, 

testing, overseeing cleanup work, 

and determining whether storage 

facilities are in compliance with 

regulations. First on the scene 

when a chemical spill occurs, 

these specialists must be able to 

identify the spilled chemical sub¬ 

stance and know how to take 

emergency action to neutralize its 

effect and thus protect the public. 

Then they must devise a cleanup 

procedure and oversee its 

implementation. 

Entry into the field usually 

requires a degree from a four-year 

college with a major in chemistry 

or other physical science. Other 

areas of concentration might be 

industrial hygiene, environmental 

health, or engineering. 

C Go inline 
-PHSchool.com 

For: Careers in Chemistry 

Visit: PHSchool .com 

Web Code: cdb-1111 

11.1 Section Assessment 

7. (T^ Key Concept How do you write a word 

equation? 

8. Key Concept How do you write a skeleton 

equation? 

9. Key Concept Describe the steps in writing a 

balanced chemical equation. 

10. Write skeleton equations for these reactions. 

a. Heating copper(II) sulfide in the presence of 

diatomic oxygen produces pure copper and 

sulfur dioxide gas. 

b. When heated, baking soda (sodium hydrogen car¬ 

bonate) decomposes to form the products sodium 

carbonate, carbon dioxide, and water. 

11. Write and balance equations for the following 

reactions. 

a. Iron metal and chlorine gas react to form solid 

iron(III) chloride. 

b. Solid aluminum carbonate decomposes to form 

solid aluminum oxide and carbon dioxide gas. 

c. Solid magnesium reacts with aqueous silver ni¬ 

trate to form solid silver and aqueous magne¬ 

sium nitrate. 

12. Balance the following equations. 

a. S02 + 02-> S03 

b. Fe203 + H2-^ Fe + H20 

c. P + 02 > P4Oio 

d. A1 + N2-»A1N 

Writing Activity 

Paragraph Some products are marketed as biode¬ 

gradable. What does biodegradable mean? Identify 

three biodegradable products. How do these prod¬ 

ucts benefit the environment? 

Textbook 

Assessment 11.1 Testyourself 

on the concepts in Section 11.1. 

..with ChemASAP 
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11.2 Types of Chemical Reactions 

Guide for Reading 

Key Concepts 
• What are the five general types 

of reactions? 

• How can you predict the 

products of the five general 

types of reactions? 

Vocabulary 
combination reaction 

decomposition reaction 

single-replacement reaction 

activity series 

double-replacement reaction 

combustion reaction 

Reading Strategy 
Outlining As you read, make an 

outline of the most important 

ideas in this section. Use the red 

headings as the main topics and 

the blue headings as subtopics. 

Add a sentence or a note after 

each heading to provide key infor¬ 

mation about each topic. 

C Go ^Inline 
-— 

For: Links on Reaction 

Types 

Visit: www.SciLinks.org 

Web Code: cdn-1112 

Connecting to Your World often charcoal briquettes 

provide the heat for barbeque grills through the burning of carbon. 

Have you ever felt the heat and smelled the 
smoke coming from a burning charcoal grill? 

The heat and smoke are the products of 
a combustion reaction. Combustion is 

one of the five general types of chemical 
reactions. In this chapter, you will learn 

that if you can recognize a reaction as 
being a particulartype,you may be able to 
predict the products of the reaction. 

Classifying Reactions 
The five general types of reaction are combination, decomposition, 

single-replacement, double-replacement, and combustion. Not all chemical 

reactions fit uniquely into only one category. Occasionally a reaction may 

fit equally well into two categories. Nevertheless, recognizing a reaction as 

a particular type is useful. Patterns of chemical behavior will become 

apparent and allow you to predict the products of reactions. 

Combination Reactions The first type of reaction is the combination, 

or synthesis, reaction. A combination reaction is a chemical change in 

which two or more substances react to form a single new substance. As 

shown in Figure 11.5, magnesium metal and oxygen gas combine to form 

the compound magnesium oxide. 

2Mg(s) + 02(g)-> 2MgO(s) 

Notice that in this reaction, as in all combination reactions, the prod¬ 

uct is a single substance (MgO), which is a compound. The reactants in this 

combination reaction (Mg and 02) are two elements. This is often the case, 

but two compounds may also combine to form a single substance. 

When a Group A metal and a nonmetal react, the product is a com¬ 

pound consisting of the metal cation and the nonmetal anion. 

2K(s) + Cl2(g)-> 2KCl(s) 

When two nonmetals react in a combination reaction, more than one 

product is often possible. 

S(s) + 02(g)-» S02(g) sulfur dioxide 

2S(s) + 302(g)->2S03(g) sulfur trioxide 

More than one product may also result from the combination reaction 

of a transition metal and a nonmetal. 

Fe(s) + S(s)->-FeS(s) iron(II) sulfide 

2Fe(s) + 3S(s)-^Fe2S3(s) iron(III) sulfide 
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Figure 11.5 When ignited, 

magnesium ribbon reacts with 

oxygen in the surrounding 

air to form magnesium 

oxide, a white solid. This is a 

combination reaction. 

Observing Why do you think 

this reaction was once used in 
flashbulbs for photography? 

2Mg(s) + 02(g) -> 2MgO(s) 

Magnesium Oxygen Magnesium oxide 

Writing Equations for Combination Reactions 

Copper and sulfur, shown in the photo, are the reac¬ 

tants in a combination reaction. Complete the equa¬ 

tion for the reaction. 

Cu(s) + S(s)-> (two reactions possible) 

Analyze Identify the relevant concepts. 

Two reactions are possible because copper is 

a transition metal and has more than one 

common ionic charge (Cu+ and Cu2+). Deter¬ 

mine the formulas for the two products. Bal¬ 

ance the two possible equations. 

O Solve Apply concepts to this situation. 

Write the skeleton equation first, then apply 

the rules for balancing equations. 

For copper(II): 

Cu(s) + S(s)->CuS(s) (balanced) 

For copper(I): 

Cu(a') + S(s) --Cu2S(s) 

2Cu(s) + S(s)-> Cu2S(s) (balanced) 

Practice Problems 

13. Complete and balance this equation for a combi¬ 

nation reaction. 

Be + 02-> 

14. Write and balance the equation for the formation 

of magnesium nitride (Mg3N2) from its elements. 

© 

^ Textbook 
Problem-Solving 11.14 Solve 

Problem 14 with the help of an 

interactive guided tutorial. 

__with Chem ASAP 
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Figure 11.6 When orange- 

colored mercury(ll) oxide is 

heated, it decomposes into its 

constituent elements: liquid 

mercury and gaseous oxygen. 

Comparing and Contrasting 
How are the reactions pictured 

in Figures 11.5 and 11.6 similar? 
How are they different? 

2HgO(s) 
Mercury(ll) oxide 

heat 
-> 

2Hg(0 
Mercury 

O 2(g) 
Oxygen 

Decomposition Reactions When mercury(II) oxide is heated, it decom¬ 

poses or breaks down into two simpler compounds, as shown in Figure 11.6. 

2HgO(s) -» 2Hg(Z) + 02(g) 

A decomposition reaction is a chemical change in which a single com¬ 

pound breaks down into two or more simpler products. Decomposition 

reactions involve only one reactant and two or more products. The prod¬ 

ucts can be any combination of elements and compounds. It is usually dif¬ 

ficult to predict the products of decomposition reactions. However, when a 

simple binary compound such as HgO breaks down, you know that the 

products must be the constituent elements Hg and 02. Most decomposi¬ 

tion reactions require energy in the form of heat, light, or electricity. 

CONCEPTUAL PROBLEM 11.5 

Writing the Equation for a Decomposition Reaction 

Decomposition reactions that produce gases and heat are 

sometimes explosive, as the photo shows. Write a balanced 

equation for the following decomposition reaction. 

H20(/) —electricity_^ 

HH Analyze Identify the relevant concepts. 

Water, a binary compound, breaks down into 

its elements. Balance the equation, remem¬ 

bering that hydrogen and oxygen are both 

diatomic molecules. 

Solve Apply concepts to this situation. 

Write the skeleton equation, then apply the 

rules for balancing equations. 

H20(Z) 

2H20(Z) 

iSSSSL» H2(g) + 02(g) 

tktllR"' > 2H2(g) + 02(g) (balanced) 

Practice Problems 

15. Complete and balance this decomposition 

reaction. 

HI -> 
Textbook 

16. Write the formula for the binary compound that 

decomposes to the products H2 and Br2. 

Problem-Solving 11.15 
Solve Problem 15 with the 

help of an interactive 

guided tutorial. 

-with ChemASAP 
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Single-Replacement Reactions Dropping a small piece of potassium 

into a beaker of water creates the vigorous reaction shown in Figure 11.7. 

The reaction produces hydrogen gas and a large quantity of heat. The 

released hydrogen gas can ignite explosively. 

2K(s) + 2H20(Z) -» 2KOH(a<7) + H2(g) 

Similar but less spectacular reactions can occur. For example, if you 

drop a piece of zinc into a solution of copper nitrate, this reaction occurs: 

Zn(s) + Cu(N03)2(ag) -> Cu(s) + Zn(N03)2[aq) 

These equations describe two examples of single-replacement reac¬ 

tions. A single-replacement reaction is a chemical change in which one ele¬ 

ment replaces a second element in a compound. You can identify a single¬ 

replacement reaction by noting that both the reactants and the products 

consist of an element and a compound. In the equation above, zinc and 

copper change places. The reacting element Zn replaces copper in the 

reactant compound Cu(N03)2. The products are the element Cu and the 

compound Zn(N03)2. 

Whether one metal will displace another metal from a compound 

depends upon the relative reactivities of the two metals. The activity series 

of metals, given in Table 11.2, lists metals in order of decreasing reactivity. 

A reactive metal will replace any metal listed below it in the activity series. 

Thus iron will displace copper from a copper compound in solution, but 

iron does not similarly displace zinc or calcium. 

A halogen can also replace another halogen from a compound. The 

activity of the halogens decreases as you go down Group 7 A of the periodic 

table—fluorine, chlorine, bromine, and iodine. Bromine is more active 

than iodine, so this reaction occurs: 

Br2{aq) + Nal[aq) -> NaBr{aq) + \2{aq) 

But bromine is less active than chlorine, so this reaction does not occur: 

Table 11.2 ^ 

Activity Series of Metals 

- 

Name Symbol 

D
e
c
re

a
s
in

g
 
re

a
c
ti

v
it

y
 

Lithium Li 

Potassium K 

Calcium Ca 

Sodium Na 

Magnesium Mg 

Aluminum Al 

Zinc Zn 

Iron Fe 

Lead Pb 

(Hydrogen) <H)* 

Copper Cu 

Mercury Hg 

Silver Ag 

*Metals from Li to Na will replace H from 
acids and water; from Mg to Pb they will 
replace H from acids only. 

Br2{aq) + NaC\{aq) -> No reaction 

Figure 11.7 The alkali metal 

potassium displaces hydrogen 

from water and forms a solution of 

potassium hydroxide in a single¬ 

replacement reaction. The heat of 

the reaction is often sufficient to 

ignite the hydrogen. Inferring 

Why are alkali metals stored 

under mineral oil or kerosene? 

2K(s) + 2H20 (I) 
Potassium Water 

■» 2KOH (aq) + H 2{g) 
Potassium hydroxide Hydrogen 
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Writing Equations for Single-Replacement Reactions 

The photo shows the reaction between Zn(s) and H2S04{aq). Write a 

balanced chemical equation for each single-replacement reaction. 

The reactions take place in aqueous solution. 

a. Zn(s) + H2S04(ar7)-» 

b. Cl2{aq) + NaBr{aq)--> 

^ Analyze Identify the relevant concepts. 

a. According to the activity series of metals, zinc 

displaces hydrogen from an acid and takes its 

place. Balance the equation, remembering 

that elemental hydrogen is diatomic. 

b. Chlorine is more reactive than bromine and 

displaces bromine from its compounds. Bal¬ 

ance the equation. Bromine is diatomic. 

Solve Apply concepts to this situation. 

Write the skeleton equation first, then apply 

the rules for balancing equations. 

a. Zn(s) + \i2S04[aq)-> ZnSO4{aq) + H2(g) 

(balanced) 

b. Cl2{aq) + NaBr(aq)-> NaCl(fl^) + Br 2[aq) 

Cl 2{aq) + 2NaBr(a^)-> 

2NaCl(a<7) + Bx2(aq) (balanced) 

Practice Problem 

17. Complete the equations for these single¬ 

replacement reactions in aqueous solution. Bal¬ 

ance each equation. Write “no reaction” if a 

reaction does not occur. 

a. Fe(s) + Pb(N03)2(ar7)-> 

b. Cl;Aaq) + N'dl(aq)-> 

c. Ca(s) + H20(/)-* 

© 

^ Textbook 

Problem-Solving 11.17 Solve 

Problem 17 with the help of an 

interactive guided tutorial. 

Double-Replacement Reactions Sometimes, when two solutions of 

ionic compounds are mixed, nothing happens. At other times, the ions in 

the two solutions react. Figure 11.8 shows that mixing aqueous solutions of 

potassium carbonate and barium chloride results in a chemical reaction. A 

white precipitate of solid barium carbonate is formed. Potassium chloride, 

the other product of the reaction, remains in solution. This is an example of 

a double-replacement reaction, which is a chemical change involving an 

exchange of positive ions between two compounds. Double-replacement 

reactions are also referred to as double-displacement reactions. They gen¬ 

erally take place in aqueous solution and often produce a precipitate, a gas, 

or a molecular compound such as water. For a double-replacement reac¬ 

tion to occur, one of the following is usually true. 

1. One of the products is only slightly soluble and precipitates from solu¬ 

tion. For example, the reaction of aqueous solutions of sodium sulfide and 

cadmium nitrate produces a yellow precipitate of cadmium sulfide. 

Na2S(a<y) + Cd(N03)2(a<7)-> CdS(s) + 2NaN03(ag) 

2. One of the products is a gas. Poisonous hydrogen cyanide gas is pro¬ 

duced when aqueous sodium cyanide is mixed with sulfuric acid. 

2NaCN(ai7) + H2S04(aqO->2JTCN(g) + Na2S04(ar7) 

3. One product is a molecular compound such as water. Combining 

solutions of calcium hydroxide and hydrochloric acid produces water. 

Ca(OFl)2{aq) + 2HCl(ar/)->CaCl2 {aq) + 2HzO(Z) 
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K2C03(ag) + 
Potassium carbonate 

BaCI2 {aq) 
Barium chloride 

Figure 11.8 Aqueous solutions 

of potassium carbonate and 

barium chloride react in a double¬ 

replacement reaction to form 

the white precipitate barium 

carbonate. Potassium chloride, 

the other product of the reaction, 

remains in solution. 

C032 

■> 2KCI [aq] + BaC03(s) 
Potassium chloride Barium carbonate 

CONCEPTUAL PROBLEM 11.7 

Writing Equations for Double-Replacement Reactions 

Write a balanced chemical equation for each double-replacement reaction. 

a. CaBr2(fl£7) + AgN03(a<7)-> (A precipitate of silver bromide is formed.) 

b. FeS(s) + HC1 {aq)-» (Hydrogen sulfide gas (H2S) is formed.) 

Analyze Identify the relevant concepts. 

a. The driving force behind the reaction is the 

formation of a precipitate, which is shown 

in the photo. Write correct formulas of the 

products using ionic charges. Then balance 

the equation. 

b. A gas is formed. Use ionic charges to write 

the correct formula of the other product. 

Then balance the equation. 

Practice Problems 

18. Write the products of these double¬ 

replacement reactions. Then balance each 

equation. 

a. NaOH(a^) + Fe(N03)3(ar7) -> 

(Iron(III) hydroxide is a precipitate.) 

b. Ba(N03)2(ag) + H3P04(ag)-> 

(Barium phosphate is a precipitate.) 

Solve Apply concepts to this situation. 

For each reaction, write the skeleton equa¬ 

tion first, then apply the rules for balancing 

equations. 

a. CaBr2(aq) + AgNOJaq) -> 

AgBr(s) + Ca(NO 3)2{aq) 
CaBr2(aq) + 2AgN03(a<7) -> 

2AgBr(s) + Ca(N03)2(ar/) (balanced) 

b. FeS(s) + HCl(a<jr) -^ H2S(g) + FeCl2(a<7) 

FeS(s) + 2HC1 {aq) -> 

H2S(g) + FeCl2{aq) (balanced) 

19. Write a balanced equation for each reaction. 

a. KOH(fl^) + H3POA{aq) - 

b. H2S04(a^) + Al(OH)3(ag) -;► 

0 

r interactive 
^Textbook 

Problem-Solving 11.18 Solve 

Problem 18 with the help of an 

interactive guided tutorial. 

_ __with ChemASAP _ 
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Combustion Reactions The flames of a campfire or a gas grill are evi¬ 

dence that a combustion reaction is taking place. A combustion reaction is 

a chemical change in which an element or a compound reacts with oxygen, 

often producing energy in the form of heat and light. A combustion reac¬ 

tion always involves oxygen as a reactant. Often the other reactant is a 

hydrocarbon, which is a compound composed of hydrogen and carbon. 

The complete combustion of a hydrocarbon produces carbon dioxide and 

water. But if the supply of oxygen is limited during a reaction, the combus¬ 

tion will not be complete. Elemental carbon (soot) and toxic carbon mon¬ 

oxide gas may be additional products. The complete combustion of a 

hydrocarbon releases a large amount of energy as heat. That’s why hydro¬ 

carbons such as methane (CH4), propane (C3H8), and butane (C4H10) are 

important fuels. The combustion reaction for methane is shown in Figure 

11.9. Gasoline is a mixture of hydrocarbons that can be approximately rep¬ 

resented by the formula C8H18. The complete combustion of gasoline in a 

car engine is shown by this equation. 

2C8H18(Z) + 2502(g)-> 16C02(g) + 18H2OfZ) 

The reactions between oxygen and some elements other than carbon 

are also examples of combustion reactions. For example, both magnesium 

and sulfur will burn in the presence of oxygen. As you look at these com¬ 

bustion equations, notice that the reactions could also be classified as 

combination reactions. 

2Mg(s) + 02(g)-> 2MgO(s) 

S (s) + 02(g)--> S02(g) 

(y}Checkpoint) What are the products of the combustion of a hydrocarbon? 

CH 4(g) + 202{g) 
Methane Oxygen 

C02(g) + 2H20(g) 
Carbon dioxide Water 

Figure 11.9 Methane gas 

reacts with oxygen from the 

surrounding air in a combustion 

reaction to produce carbon 

dioxide and water. 

Inferring What else is 

produced in this reaction? 
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CONCEPTUAL PROBLEM 11.8 

Writing Equations for Combustion Reactions 

An alcohol lamp often uses ethanol as its fuel. Write balanced 

equations for the complete combustion of these compounds, 

a. benzene (C6H6(Z)) b. ethanol (CH3CH2OH(Z)) 

Analyze Identify the relevant concepts. 

Oxygen is the other reactant in these com¬ 

bustion reactions. The products are C02 and 

H20. Write the skeleton equation for each 

reaction, then balance the equation. 

Solve Apply concepts to this situation. 

For each reaction, write the skeleton 

equation, then apply the rules for balancing ^ 

equations. 

a. C6H6(Z) + O2(g)->CO2(g) + H20(g) 

2C6H6(Z) + 1502(g)-> 12C02(g) + 6H20(g) 

CH3CH2OH(Z) + 02(g)->C02{g) + H20(g) 

CH3CH20F1(Z) + 302(g) ——> 2C02(g) + 

3Fl20(g) (balanced) 

(balanced) 

Practice Problems 

20. Write a balanced equation for the complete com¬ 

bustion of each compound. 

a. formic acid (HCOOH) 

b. heptane (C7H16) 

21. Write a balanced equation for the complete com¬ 

bustion of glucose (C6H1206). 

Textbook 

Problem-Solving 11.21 
Solve Problem 21 with the help of 

an interactive guided tutorial. 

_with ChemASAP 

Predicting the Products of 
a Chemical Reaction 
Now that you have learned about some of the basic reaction types, you can 

predict the products of many reactions. The number of elements and/ 

or compounds reacting is a good indicator of possible reaction type and 

thus possible products. For example, in a combination reaction, two or 

more reactants (elements or compounds) combine to form a single prod¬ 

uct. In a decomposition reaction, a single compound is the reactant; two or 

more substances are the products. An element and a compound are the 

reactants in a single-replacement reaction. A different element and a new 

compound are the products. In a double-replacement reaction, two ionic 

compounds are the reactants; two new compounds are the products. The 

reactants in a combustion reaction are oxygen and usually a hydrocarbon. 

The products of most combustion reactions are carbon dioxide and water. 

» 

Textbook 

Simulation 12 Practice 

classifying reactions according 

to reaction type. 

_with ChemASAP 
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Figure 11.10 The five types of 

chemical reactions discussed in 

this chapter are summarized here. 

1 Combination Reaction 

General Equation: R + S-> RS 

Reactants: Generally two elements, or two 

compounds (where at least one compound is 

a molecular compound) 

Probable Products: A single compound 

Example: Burning magnesium in air 

2Mg(s) + 02(g) ■> 2MgO(s) 

2 Decomposition Reaction 

General Equation: RS-> R + S 

Reactants: Generally a single binary com¬ 

pound or a compound with a polyatomic ion 

Probable Products: Two elements (for a 

binary compound), or two or more elements 

and/or compounds (for a compound with a 

polyatomic ion) 

Example: Heating mercury(ll) oxide 

2HgO(s) * 2Hg(/) + 02(g) 

3 Single-Replacement Reaction 

General Equation: T + RS-> TS + R 

Reactants: An element and a compound 

In a single-replacement reaction, an element 

replaces another element from a compound 

in aqueous solution. For a single-replacement 

reaction to occur, the element that is dis¬ 

placed must be less active than the element 

that is doing the displacing. 

Probable Products: A different element 

and a new compound 

Example: Potassium in water 
2K(s) + 2H20(/)->2KOH(t?<7) + H2(g) 



4 Double-Replacement Reaction 

General Equation: R+ S +T+U~ 

Reactants: Two ionic compounds 

In a double-replacement reaction, two ionic 

compounds react by exchanging cations to 

form two different compounds. 

Probable Products: Two new compounds 

Double-replacement reactions are driven by 

the formation of a precipitate, a gaseous 

product, or water. 

Example: Reaction of aqueous solutions of 

barium chloride and potassium carbonate 

^R+ U +T+S 

K2CO3(aq) + BaCMcig)-> 2KCI(og) + BaC03(s) 

5 Combustion Reaction 

General Equation: Cx Hy + (x + y/4) 02-> xC02 + (y/2)H20 

Reactants: Oxygen and a compound of C, H, (O) 

When oxygen reacts with an element or compound, 

combustion may occur. 

Probable Products: C02 and H20 
With incomplete combustion, C and CO may also be products. 

Example: The combustion of methane gas in air 

CH4(g) + 202(g)->C02(g) + 2H20(g) 

11.2 Section Assessment 

22. Key Concept What are the five types of chem¬ 

ical reactions? 

23. Key Concept What are the keys to predicting 

the products of the five general types of reactions? 

24. Classify each reaction and balance the equations. 

a. C3H6 + 02-> C02 + H20 

b. Al(OH)3->A1203 + H20 

c. Li + 02-> Li20 

d. Zn + AgNO,-> Ag + Zn(N03)2 

25. Which of the five general types of reaction would 

most likely occur, given each set of reactants? 

What are the probable products? 

a. an aqueous solution of two ionic compounds 

b. a single compound 

c. two elements 

d. oxygen and a compound of carbon and hydrogen 

26. Complete and balance an equation for each 

reaction. 

a. Cal2 + Hg(N03)2-> (Hgl2 precipitates.) 

b. A1 + Cl2 ^ c. Ag + HC1 ^ 

d. C2H2 + 02-> e. MgCl2-> 

27. What are the three types of products that result 

from double-replacement reactions? 

Connecting Concepts 

Molecular Compounds Hydrogen peroxide is an 

antiseptic that undergoes a decomposition reaction 

in the presence of living cells. Refer to Section 8.1 

and write a paragraph giving evidence that hydro¬ 

gen peroxide is a molecular compound. 

a 

’’^Textbook 

Assessment 11.2 Test yourself 

on the concepts in Section 11.2. 

-with ChemASAP 
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Technology & Society 

Combating Combustion 

A fire has three requirements: oxygen, fuel, and a temperature high 

enough to initiate and sustain combustion. Firefighters put out fires 

by eliminating one or more of these requirements. When water is 

sprayed on a typical building fire, it stops the fire by lowering the 

temperature of the burning material and soaking it with 

noncombustible water. Steam from the vaporizing water also tends 

to displace air from around the fuel, which denies oxygen to the fuel. 

To improve the ability of water to saturate the fuel, for example, 

upholstered furniture and rugs, a substance called a surfactant is 

added to the water, inferring How can it help to roll on the ground if 

your clothes are on fire? 

,'JSS| 

Water Water is the most important tool 

for firefighters. Water-based foams are 
more effective, but they are also more 
expensive. 

340 Chapter 11 



SUP®. aw 
mi EiMt 

Electrical fires Chemicals 

such as monoammonium 

phosphate (MAP), blown 

from a dry-chemical extin¬ 

guisher, cover an electrical 

fire and cut off oxygen. 

Grease fires 
Water sprayed on 

a grease fire can 

spread the flames. A 

carbon-dioxide fire 

extinguisher produces a 

cloud of heavier-than-air C02 

that blankets the fire and cuts 

off the oxygen supply. 

Forest fires Firefighters combat forest fires from the air 

by spreading substances that coat the surfaces of the 

trees to prevent burning.They can also cut the fire off 

from its fuel by using bulldozers to cut a clear path 

through the trees or by setting a controlled blaze. 
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Reactions in Aqueous Solution 

Guide for Reading 

<^ Key Concepts 
• What does a net ionic equation 

show? 

• How can you predict the 

formation of a precipitate in a 

double-replacement reaction? 

Vocabulary 
complete ionic equation 

spectator ion 

net ionic equation 

Reading Strategy 
Comparing and Contrasting 
When you compare and contrast 

things, you examine how they are 

alike and different. As you read, list 

the ways that complete ionic 

equations and net ionic equations 

are the same and how they are 

different. 

Figure11.il A precipitate of 

silver chloride forms when 

aqueous solutions of silver 

nitrate and sodium chloride 

are mixed. Inferring Which 

ions do not participate in the 
reaction? 

Connecting to Your World The beauty of a limestone cav¬ 

ern is the result of chemical reactions involving water. Limestone caverns 

form as calcium carbonate reacts with carbon 

dioxide dissolved in water and forms solu¬ 

ble calcium hydrogen carbonate. Addi¬ 

tional carbon dioxide then converts 

the calcium hydrogen carbonate 

back into calcium carbonate.The 

calcium carbonate precipitates and 

forms dramatic stalactites and stalag¬ 

mites. In this section, you will learn to 

predict the formation of precipitates 

and write equations to describe the reactions 

that produce them. 

Net Ionic Equations 
Your world is water-based. More than 70% of Earth’s surface is covered by 

water, and about 66% of the adult human body is water. It is not surprising, 

then, that many important chemical reactions take place in water—that is, 

in aqueous solution. 

The reaction of aqueous solutions of silver nitrate with sodium chlo¬ 

ride to form solid silver chloride and aqueous sodium nitrate is a double¬ 

replacement reaction. The reaction is shown in Figure 11.11. 

AgN03(aq) + NaCl(aq)->AgCl(s) + NaN03(ag) 

This is the way you have been waiting equations involving aqueous 

solutions of ionic compounds. However, the equation does not show that 

like most ionic compounds, the reactants and one of the products dissoci¬ 

ate, or separate, into cations and anions when they dissolve in water. For 

example, when sodium chloride dissolves in water, it separates into 

sodium ions (Na+(aq)) and chloride ions (Cl (aq)). Similarly, silver nitrate 

dissociates into silver ions (Ag+[aq)) and nitrate ions (N03-(at7)). You can 

use these ions to write a complete ionic equation, an equation that shows 

dissolved ionic compounds as dissociated free ions. 

Ag+{aq) + NO f{aq) + Na+{aq) + Cl ~{aq)-> 

AgCl(s) + Na+(aq) + N03_(a<g') 

Notice that the nitrate ion and the sodium ion appear unchanged on 

both sides of the equation. The equation can be simplified by eliminating 

these ions because they don’t participate in the reaction. 

Ag+(aq) + NO+ Na-{axf) + Cl~{aq) -> 

AgCl(s) + Na-(-aq) + NQf^tzq) 
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An ion that appears on both sides of an equation and is not directly 

involved in the reaction is called a spectator ion. When you rewrite an 

equation leaving out the spectator ions, you have the net ionic equation. 

The net ionic equation is an equation for a reaction in solution that shows 

only those particles that are directly involved in the chemical change. 

Ag +{aq) + Cl ~[aq)-> AgCl(s) 

In writing balanced net ionic equations, you must make sure that the 

ionic charge is balanced. For the previous reaction, the net ionic charge on 

each side of the equation is zero and is therefore balanced. But consider 

the skeleton equation for the reaction oflead with silver nitrate. 

Pb(s) + AgNO 3(aq)-> Ag(s) + Pb(N03)2(fl^) 

The nitrate ion is the spectator ion in this reaction. The net ionic equa¬ 

tion is this. 

Pb(s) + Ag+{aq) ■Ag(5) + Pb2+(ag) (unbalanced) 

Word Origins 
Spectator comes from the 

Latin verb spectare, meaning 

"to watch." Thus a spectator 

ion can be thought of as only 

watching a reaction, not par¬ 

ticipating. During a football 

game, what analogy can 

you draw to the people in 

the seats and the football 

players on the field? 

Why is this equation unbalanced? Notice that a single unit of positive 

charge is on the reactant side of the equation. Two units of positive charge 

are on the product side. Placing the coefficient 2 in front of Ag+ [aq) bal¬ 

ances the charge. A coefficient of 2 in front of Ag(s) rebalances the atoms. 

Pb(s) + 2Ag' (aq)-> 2Ag(s) + Pb2+{aq) (balanced) 

(J A net ionic equation shows only those particles involved in the reac¬ 

tion and is balanced with respect to both mass and charge. 

CONCEPTUAL PROBLEM 11.9 

Writing and Balancing Net Ionic Equations 

In the photograph, aqueous solutions of iron(III) chloride and potas¬ 

sium hydroxide are mixed. A precipitate of iron(III) hydroxide forms. 

Identify the spectator ions and write a balanced net ionic equation 

for the reaction. 

Analyze Identify the relevant concepts. 

Write the complete ionic equation for the reac¬ 

tion, showing any soluble ionic compounds as 

individual ions. Eliminate aqueous ions that 

appear as both reactants and products. Bal¬ 

ance the net ionic equation. 

Solve Apply concepts to this situation. 

Fe3+(aq) + 3C\-{aq) + 3K +{aq) + 30H ~{aq) 

->Fe(OH)3(s) + 3K+(ar/) + 3Cl“(ag) 

The spectator ions are K+ and Ch. The bal¬ 

anced net ionic equation is 

Fe3+(a<7) + 30FI“(a^)-Fe(OH)3(s) 

Practice Problems 

28. Write the balanced net ionic equation for this 

reaction. 

Ca2+{aq) + OH~(aq) + H+(aq) + PO 3~{aq)-> 

Ca 2+(aq) + P043-(ag) + H20(Z) 

29. Write the complete ionic equation and net ionic 

equation for the reaction of aqueous calcium 

hydroxide with phosphoric acid. The products 

are calcium phosphate and water. 

Textbook 

Problem-Solving 11.28 Solve 

Problem 28 with the help of an 

interactive guided tutorial. 

_with ChemASAP 
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r Table 11.3 ^ 

Solubility Rules for Ionic 
Compounds 

Compounds Solubility 

Salts of alkali met¬ 

als and ammonia 

Soluble 

Nitrate salts and 

chlorate salts 

Soluble 

Sulfate salts, 

except com¬ 

pounds with Pb2+, 

Ag+, Hg22+, Ba2+, 

Sr2+, and Ca2+ 

Soluble 

Chloride salts, 

except compound 

with Ag+, Pb2+, 

and Hg22+ 

Soluble 

Carbonates, phos¬ 

phates, chromates, 

sulfides, and 

hydroxides 

Most are 

insoluble 

Predicting the Formation of a Precipitate 
You have seen that mixing solutions of two ionic compounds can some¬ 

times result in the formation of an insoluble salt called a precipitate. Some 

combinations of solutions produce precipitates, while others do not. 

Whether or not a precipitate forms depends upon the solubility of the new 

compounds that form. You can predict the formation of a precipitate 

by using the general rules for solubility of ionic compounds. These rules 

are shown in Table 11.3. Will a precipitate form when aqueous solutions of 

Na2C03(ag) and Ba(N03)2(a<7) are mixed? 

2Na+(ag) + CO 32~{aq) + Ba 2+{aq) + 2N03~{aq)-»? 

When these four ions are mixed, the cations could change partners. If 

they did, the two new compounds that would form are NaNOs and BaC03. 

These are the only new combinations of cation and anion possible. To find 

out if an exchange will occur, refer to Table 11.3, which gives guidelines for 

determining whether ion combinations are soluble. Recall that sodium is 

an alkali metal. Rows 1 and 2 tell you that sodium nitrate will not form a 

precipitate because alkali metal salts and nitrate salts are soluble. Row 5 

indicates that carbonates in general are insoluble. Barium carbonate will 

precipitate. In this reaction Na+ and N03“ are spectator ions. The net ionic 

equation for this reaction is as follows. 

Ba2+{aq) + C032 [aq]->BaC03(s) 

11.3 Section Assessment 

30. Key Concept What is a net ionic equation? 

31. Key Concept How can you predict the forma¬ 

tion of a precipitate in a double-replacement 

reaction? 

32. Write a balanced net ionic equation for each reaction. 

a. Pb(N03)2(flqj + H2SO4{aq)-* PbS04(s) + 

HNO 3iaq) 

b. Pb(C2H302)2(or/) + HC\{aq)->PbCl2(s) + 

HQHjO, («<:/) 

c. Na3P04(a^) + FeCl3(a<7)-^NaCl(fl<7) + 

FeP04(s) 

d. (NH4)2S(og) + Co(N03)2(og)-> CoS(s) + 

NH4N03(o4) 

33. Write a balanced net ionic equation for each reac¬ 

tion. Identify the spectator ions in each reaction. 

a. HC\[aq) + AgNO:,(ac/)-> 

b. Pb(C2H302)2(ory) + UC\{aq)-> 

c. Na3P04 (aq) + CrCl3(aq)-> 

34. Identify the precipitate formed when solutions of 

these ionic compounds are mixed. 

a. H2S04 + BaCl?-> 

b. Al2(SCg3 + NH4OH-* 

c. AgN03 + H2S-> 

d. CaCl2 + Pb(N03)2--> 

e. Ca(N03)2 + Na2C03-> 

35. Will a precipitate form when the following aque¬ 

ous solutions of ionic compounds are mixed? 

a. AgN03 and Na2S04 

b. NH4C1 and Ba(N03)2 

c. CaCl2 and K2S04 

d. Pb(N03)2 and HQ 

Handbook 

Limestone Caves Refer to page R13 in the Elements 

Handbook to learn more about the formation of 

limestone caves. What part does acid (hydrogen ion) 

play in the dissolving process? What is the reaction 

that deposits stalactites and stalagmites? 

r Jftteractive 
^ Textbook 
Assessment 11.3 Test yourself 

on the concepts in Section 11.3. 

__with Chem ASAP 
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Precipitation Reactions: Formation 
of Solids 

Purpose 
To observe, identify, and write balanced equations for 

precipitation reactions. 

Materials 
• pencil 

• paper 

• ruler 

• reaction surface 

• chemicals shown in the grid below 

AgN03 Pb(N03)2 CaCI2 

(Ag+) (Pb2+) (Ca2+) 

Na2C03 

(co32-) 

Na3P04 

(P043-) 

NaOH 

(OH-) 

Na2S04 

(S042-) 

NaCI 

(Cl-) 

Procedure © fill O ill 
Copy the grid on two sheets of paper. Make each square 

2 cm on each side. Draw large black Xs on one of the grids. 

Place a reaction surface over the grid with black Xs and 

add the chemicals as shown. Use the other grid as a data 

table to record your observations for each solution. 

Analyze 
Using your experimental data, record your answers to the 

following in the space below your data table. 

a f k 

b 

•p-trc 

9 
-

 

c m 

d i n 

e i o 

1. Translate the following word equations into balanced 

chemical equations and explain how the equations 

represent what happens in grid spaces a and g. 

a. In grid space a, sodium carbonate reacts with silver 

nitrate to produce sodium nitrate and solid silver 

carbonate. 

b. In grid space g, sodium phosphate reacts with 

lead(ll) nitrate to produce sodium nitrate and solid 

lead(ll) phosphate. 

2. Write a word equation to represent what happens in 

grid space m. 

3. What happens in grid space d? Which other mixings 

gave similar results? Is it necessary to write an equation 

when no reaction occurs? Explain. 

4. Write balanced equations for the other precipitation 

reactions you observed. 

5. Write balanced net ionic equations for the other pre¬ 

cipitation reactions you observed. 

You're The Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Explain It! Mix a solution of potassium iodide (Kl) with 

silver nitrate.Then mix potassium iodide solution with 

lead(ll) nitrate. Describe your results. Write balanced 

equations and net ionic equations for each reaction. 

2. Design It! Table salt is mostly sodium chloride. Design 

and carry out an experiment to find out if table salt will 

form a precipitate with either lead(ll) nitrate or silver 

nitrate. Interpret your results. 

3. Design It! Design and carry out an experiment to 

show that iodized table salt contains potassium iodide. 
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Study Guide 

Key Concepts 

11.1 Describing Chemical Reactions 

• To write a word equation, write the names of 
the reactants to the left of the arrow sepa¬ 
rated by plus signs; write the names of the 
products to the right of the arrow, also sepa¬ 
rated by plus signs. 

• To write a skeleton equation, write the for¬ 
mulas for the reactants to the left of the 
yields sign and the formulas for the products 
to the right. 

• After writing the skeleton equation, use coef¬ 
ficients to balance the equation so that it 
obeys the law of conservation of mass. 

^ 11.2 Types of Chemical Reactions 

• The five general types of reactions are 
combination, decomposition, single¬ 
replacement, double-replacement, and 
combustion. 

• The number of elements and/or compounds 
reacting is a good indicator of possible reac¬ 
tion type and thus possible products. 

• In a combination reaction, there is always a 
single product. 

• A decomposition reaction involves the 
breakdown of a single compound into two or 
more simpler substances. 

• In a single-replacement reaction, both the 
reactants and the products are an element 
and a compound. 

• A double-replacement reaction generally 
takes place between two ionic compounds in 
aqueous solution. 

• A combustion reaction always involves 
oxygen as a reactant. 

11.3 Reactions in Aqueous Solution 

• A net ionic equation shows only those parti¬ 
cles involved in the reaction and is balanced 
with respect to mass and charge. 

• You can predict the formation of a precipi¬ 
tate by using the general rules for solubility 
of ionic compounds. 

Vocabulary 

• activity series (p. 333) 

• balanced equation (p. 325) 

• catalyst (p. 323) 

• chemical equation (p. 323) 

• coefficients (p. 325) 

• combination reaction (p. 330) 

• combustion reaction (p. 336) 

• complete ionic equation 

(p. 342) 

• decomposition reaction (p. 332) 

• double-replacement reaction 

(p. 334) 

• net ionic equation (p. 343) 

• single-replacement reaction 

(p. 333) 

• skeleton equation (p. 323) 

• spectator ion (p. 343) 

Organizing Information 

Use these terms to construct a 

concept map that organizes the 

major ideas of this chapter. 

■mcer 
Textewlc 

Concept Map 11 Solve the 

Concept Map with the help of 

an interactive tutorial. 

«———with ChemASAP 
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Assessment 

CHAPTER 

11 
Reviewing Content 

11.1 Describing Chemical Reactions 

36. Identify the reactants and products in each 

chemical reaction. 

a. Hydrogen gas and sodium hydroxide are 

formed when sodium is dropped into water. 

b. In photosynthesis, carbon dioxide and water 

react to form oxygen gas and glucose. 

37. How did John Dalton explain a chemical reaction 

using his atomic theory? 

38. What is the function of an arrow (->) in a 

chemical equation? A plus sign (+)? 

39. Write sentences that completely describe each of 

the chemical reactions shown in these skeleton 

equations. 

a. NH3(g) + 02(g) -*-> NO(g) + H20(g) 

b. H2S04(ag) + BaCl2(ag)-> 

BaS04(s) + HC\{aq) 
c. N203(g) + H20(/)-» HN02(a<7) 

40. What is the purpose of a catalyst? 

41. Balance equations for each item. The formula for 

each product (object) is given. 

a. a basketball team 

center + forward + guard-> team 

C + F + G-* CF2G2 

b. a tricycle 

frame + wheel + seat + pedal-> tricycle 

F + W + S + P-> FW3SP2 

42. The equation for the formation of water from its 

elements, H2(g) + 02(g)-> H20(/), can be 

“balanced” by changing the formula of the 

product to H202. Explain why this is incorrect. 

43. Balance the following equations. 

a. Pb02-> PbO + 02 

b. Fe(OH)3-^ Fe203 + H20 

c. (NH4)2C03-> NH3 + H20 + co2 
d. NaCl + H2S04-» Na2S04 + HC1 

11.2 Types of Chemical Reactions 

44. What is a characteristic of every combination 

reaction? 

45. Write balanced chemical equations for the fol¬ 

lowing combination reactions. 

a. Mg + 02-> 

b. P + 02-diphosphorus pentoxide 

c. Ca + S-> 

46. What is a distinguishing feature of every decom¬ 

position reaction? 

47. Write a balanced chemical equation for each 

decomposition reaction. 

a- Ag20(s) ? 

b. ammonium nitrate — 

dinitrogen monoxide + water 

48. Use the activity series of metals to write a bal¬ 

anced chemical equation for each single¬ 

replacement reaction. 

a. Au(s) + KN03(ag)-> 

b. Zn(s) + AgN03(a<7) --> 

c. Al(s) + H,SOA{aq)-> 

49. Write a balanced equation for each of the follow¬ 

ing double-replacement reactions. 

a. H2C204(ag) + KOH(ag)-> 

b. CdBr2(ag) + Na2S(ag)-> 

(Cadmium sulfide is a precipitate.) 

50. What substance is common to all combustion 

reactions? 

51. Write a balanced equation for the complete 

combustion of each compound. 

a. butene (C4H8) 

b. acetone (C3H60) 

52. Balance each equation and identify its type. 

a. Hf + N2-> Hf3N4 

b. Mg + H2S04-^ MgS04 + H2 

c. C2H6 + 02-> C02 + H20 

d. Pb(N03)2 + Nal --> Pbl2 + NaN03 

e. Fe + 02-^ Fe304 

11.3 Reactions in Aqueous Solution 

53. What is a spectator ion? 

54. Write a balanced net ionic equation for the 

following reactions. 

a. HCl(n^) + Ca(OH)2(a<7)-» 

b. AgN03(a<7) + A1C13[aq) ——> 

(Silver chloride is a precipitate.) 

55. Complete each equation and then write a net 

ionic equation. 

a. Al(s) + H2S04(a<7)- 

b. HC1 [aq) + Ba(OH)2(ag)-^ 

c. Au(s) + HC\{aq)-^ 
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Assessment continued 

Understanding Concepts 

56. Each equation is incorrect. Find the errors, then 

rewrite and balance each equation. 

a. Cl2 + Nal-> NaCl2 + I 

b. NH3--> N + H3 

c. Na + 02-> Na02 

57. Write a balanced chemical equation for each 

reaction. Use the necessary symbols from Table 

11.1 to describe the reaction completely. 

a. Bubbling chlorine gas through a solution of 

potassium iodide gives elemental iodine and 

a solution of potassium chloride. 

b. Bubbles of hydrogen gas and aqueous 

iron(III) chloride are produced when metallic 

iron is dropped into hydrochloric acid. 

c. Solid tetraphosphorus decoxide reacts with 

water to produce phosphoric acid. 

58. Write balanced chemical equations for these 

double-replacement reactions that occur in 

aqueous solution. 

a. Zinc sulfide is added to sulfuric acid. 

b. Sodium hydroxide reacts with nitric acid. 

c. Solutions of potassium fluoride and calcium 

nitrate are mixed. 

59. Write a balanced chemical equation for each 

combination reaction. 

a. sodium oxide + water-> 

b. hydrogen + bromine-> 

c. dichlorine heptoxide + water-> 

60. Write a balanced chemical equation for each 

single-replacement reaction that takes place in 

aqueous solution. Write “no reaction” if a reac¬ 

tion does not occur. 

a. Steel wool (iron) is placed in sulfuric acid. 

b. Mercury is poured into an aqueous solution of 

zinc nitrate. 

c. Bromine reacts with aqueous barium iodide. 

61. Pieces of sodium and magnesium are dropped 

into separate water-filled test tubes (A and B). 

There is vigorous bubbling in Tube A, but not 

in Tube B. 

a. Which tube contains the sodium metal? 

b. Write an equation for the reaction in the tube 

containing the sodium metal. What type of 

reaction is occurring in this tube? 

62. Write a balanced equation for the complete 

combustion of each compound. Assume that the 

products are carbon dioxide and water. 

a. octane (C8H18) 

b. glucose (C6H12Q6) 

c. acetic acid (HC2H302) 

63. Write balanced chemical equations for these 

decomposition reactions. 

a. Aluminum is obtained from aluminum oxide 

with the addition of a large amount of electri¬ 

cal energy. 

b. Heating tin (IV) hydroxide gives tin (IV) oxide 

and water. 

c. Silver carbonate decomposes into silver oxide 

and carbon dioxide when it is heated. 

64. Write a balanced net ionic equation for each 

reaction. The product that is not ionized is given. 

a. H2C204 + KOH-> [H20] 

b. Na2S + HC1-> [H2S] 

c. NaOH + Fe(N03)3-» [Fe(OH3)] 

65. Aqueous solutions of sodium sulfide and cad¬ 

mium nitrate were mixed in a beaker. 

a. Write the formula of the yellow precipitate. 

b. Identify the spectator ions in the solution. 

c. Write the net ionic equation for the reaction. 

66. Each of these equations has water as either a 

reactant or a product. Balance each equation 

and identify the type of those reactions in which 

water is a reactant. 

a. K20(s) + H20(Z)-> KOH(aq) 
b. C19H40(s) + 02(g)-> C02(g) + H20(Z) 

c. Rb(s) + H20(Z)->H2(g) + RbOH(ag) 
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Critical Thinking Concept Challenge 

67. Fill in the missing reactant and then balance 

each equation. 

a. K(s) + __»KOH[aq) + H2(g) 

b. C2H5OH(Z) + __^C02(g) + H20(g) 

c. Bi(N03)3(a<7) + __>Bi2S3(s) + HN03(<2<7) 

d. Al(s) + __> AlBr3(s) 

e. HNO3{aq) + __► Ba(N03)2(ar/) + H20(Z) 

68. Why is smoking not permitted near an oxygen 

source? What would happen if a match were 

struck in a room filled with oxygen? 

69. Alkanes are hydrocarbon molecules that have 

the general formula CnH2n + 2. The graph shows 

the number of oxygen, carbon dioxide, and water 

molecules needed to balance the equations for 

the complete combustion of every alkane having 

from one to ten carbon atoms. 

c„h2„+2+_o2-»_C02+_H20 

Coefficients in Combustion Equations 

Equation Coefficients 

• Carbon dioxide 
* Oxygen 

• • " Water 

a. Use the graph to write balanced equations for 

the combustion of C5H12 and C9H20. 

b. Extrapolate the graph and write balanced 

equations for the combustion of C12H26 and 

Q?H36- 
c. The coefficient for 02 in the general equation 

is as follows. 

n + M 

70. Write a balanced chemical equation for each 

reaction. Classify each as to type. 

a. Sodium iodide reacts with phosphoric acid. 

b. Potassium oxide reacts with water. 

c. Heating sulfuric acid produces water, oxygen, 

and sulfur dioxide. 

d. Aluminum reacts with sulfuric acid. 

e. Pentane (C5H12) reacts with oxygen. 

71. The photos show various types of reactions. 

(2) 

(4) 

(1) Aluminum reacting with bromine 

(2) The reaction of copper with aqueous silver 

nitrate 

(3) Propane (C3H8) reacting with oxygen 

(4) The reaction of lead(II) nitrate with potas¬ 

sium iodide 

a. Identify each type of reaction. 

b. Write the equation for each reaction. 

72. When pale yellow chlorine gas is bubbled 

through a clear, colorless solution of sodium 

iodide, the solution turns brown. 

a. What type of reaction is taking place? 

b. Write the net ionic equation. 

What are the coefficients for C02 and H20? 
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Assessment continued 

Cumulative Review 

73. When you take a glass of cold liquid outside on a 

warm, humid day, drops of liquid soon form on 

the outside of the glass. (Chapter 2) 

a. What is the liquid? 

b. Where did the liquid come from? 

c. Did a chemical or physical change occur? 

74. Classify each of the following as an element, a 

compound, a homogeneous mixture, a hetero¬ 

geneous mixture, or a substance. Some may fit 

in more than one category. (Chapter 2) 

a. salt water b. salt and sand 

c. sodium chloride d. gold 

e. air f. water with ice 

75. A block of ice measures 25.0 cm x 42.0 cm x 

38.0 cm. What is the mass of the ice in kilo¬ 

grams? The density of ice is 0.917 g/cm3. 

(Chapter 3) 

76. List the number of protons, neutrons, and elec¬ 

trons in this isotope of titanium: 22 Ti. (Chapter 4) 

77. Write electron configurations for the following 

ions. (Chapter 5) 

a. Sr2+ b. S2“ c. Ga3+ d. Cu+ 

78. Explain what is meant by electronegativity. How 

do electronegativity values change across a row 

of representative elements? (Chapter 6) 

79. Are any of the following formula units for ionic 

compounds incorrect? If so, write the correct 

formulas. (Chapter 7) 

a. K2Br b. Na2S 

c. CaN2 d. A1203 

80. Give the name or formula for the following com¬ 

pounds. (Chapter 9) 

a. Potassium chromate 

b. Sodium hydrogen sulfite 

c. HMn04 

d. K2C204 

81. Calculate the number of moles in each sub¬ 

stance. (Chapter 10) 

a. 54.0 L of nitrogen dioxide (at STP) 

b. 1.68 g of magnesium ions 

c. 69.6 g of sodium hypochlorite 

d. 4.27 x 1024 molecules of carbon monoxide 

82. The graphs show the percent composition of two 

different compounds formed by the elements 

iron, oxygen, and sulfur. (Chapter 10) 

Percent Composition of 
Two Compounds 

60 

c 
4) 

I 40 
3 
111 

S 20 
u b 
0) 

CL 

0 

■■compound 1 compound 2 

a. Using the data on the graphs, calculate the 

empirical formula of each compound. 

b. Name each compound. 

83. Many coffees and colas contain the stimulant 

caffeine. The percent composition of caffeine is 

49.5% C, 5.20% H, 16.5% O, and 28.9% N. What is 

the molecular formula of caffeine if its molar 

mass is 194.1 g/mol? (Chapter 10) 

Calcium chloride (CaCl2) is a white solid used as 

a drying agent. The maximum amount of water 

absorbed by different quantities of CaCl2 is given 

in the table below. (Chapter 10) 

CaCi2(g) CaCI2 (mol) H20 (g) H20 (mol) 

17.3 a.- 5.62 b. 

48.8 
1 

c. 15.8 d. 

124 e. 40.3 f. 

337 g- 109 h. 

a. Complete the table. 

b. Plot the moles of water absorbed (y-axis) ver¬ 

sus the moles of CaCl2. 

c. Based on your graph, how many molecules of 

water does each formula unit of CaCl2 absorb? 
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Standardized Test Prep 

Test-Taking Tip 

Before you answer questions about a diagram, 

study the diagram carefully. Read all captions and 

labels. Look at all the information in the diagram 

and think about how it all relates together. Ask 

yourself some questions. What is this diagram show¬ 

ing? What does this diagram tell me? 

Select the choice that best answers each question or 

completes each statement. 

1. When the equation Fe203 + H2-Fe + H20 is 

balanced using whole-number coefficients, what 

is the coefficient of H2? 

a. 6 b. 3 c. 2 d. 1 

2. Identify the spectator ion in this reaction. 

Ba(OH)2(ag) + H2S04(ar7)->BaS04(s) + H20(Z) 

a. Ba2+ b. S042- 

c. OH- d. H+ 

e. There is no spectator ion. 

3. Magnesium ribbon reacts with an aqueous solu¬ 

tion of copper(II) chloride in a single replace¬ 

ment reaction. Which are the products of the 

balanced net ionic equation for the reaction? 

a. Mg2+(hr7) + 2C1 ~{aq) + Cu(s) 

b. Mg +{aq) + CU{aq) + Cu +{aq) 

c. Mg2+(ag) + Cu(s) 

d. Cu(s) + 2Cl (ar7) 

7. Which are the expected products of the decom¬ 

position reaction of potassium oxide, K20? 

a. K+(s) and 02“(g) 

b. K+(s) and 02(g) 

c. K(s) and 022-(g) 

d. K(s) and 02(g) 

Use the diagram to answer Questions 8-11. 

8. When ammonium carbonate is heated, water, 

ammonia, and carbon dioxide are produced. 

What type of chemical reaction is occurring? 

9. Write formulas for the reaction products. 

10. Write a balanced equation for the reaction. 

Include states for reactants and products. 

11. What purpose does the limewater serve? 

Use the following description and data table to 

answer Questions 4-6. 

Dropper bottles labeled P, Q, and R contain one of 

three aqueous solutions: potassium carbonate, 

K2C03; hydrochloric acid, HC1; and calcium nitrate, 

Ca(N03)2. The table shows what happens when pairs 

of solutions are mixed. 

Solution P Q R 

P — precipitate no reaction 

Q precipitate gas forms 

R no reaction gas forms — 

4. Identify the contents of each dropper bottle. 

5. Write the net ionic equation for the formation of 

the precipitate. 

6. Write the complete ionic equation for the forma¬ 

tion of the gas. 

Use the atomic windows to answer Question 12. 

Oxygen atoms are red; nitrogen atoms are blue. 

J & 
V# «*iJ \% <4 

d. 

/ # ate 

V %fy 
12. Which windows represent (1) the reactants and 

(2) the products for the following reaction? 

2NO(g) + 02(g)-> 2N02(g) 
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Like a chemical equation, a 

recipe telis you the amount 

ingredients (your reactants) 

needed to make a pie (your 

product). 

INQUIRY j| Activity 

How Many Can You Make? 

Materials 

20 metal paper clips (symbol M), 20 identically 

colored vinyl-coated paper clips (symbol C), plastic 

sandwich bag. 

Procedure 

1. Join together pairs of paper clips of the same color 

to form models representing 10 diatomic mole¬ 

cules of each reactant. Place these molecules in 

the plastic bag. 

2. Without looking, remove 15 molecules from the 

plastic bag. 

3. Line up the M2 and C2 molecules in two adjacent 

vertical rows. 

352 

4. Pair up reactant molecules in the 1:3 M2-to-C2 ratio 

as shown in the equation M2 + 3C2 -> 2MC i2 i ->^-2 

5. Make the molecules "react" by taking them apart 

and forming two molecules of the product. 

6. Continue making M2 and C2 react in a 1:3 ratio until 

you run out of one of the reactants. 

Think About It 

1. List the number of each type of reactant molecule 

that you removed from the bag. 

2. How many molecules of the product did you form? 

3. Which reactant molecule did you run out of first? 

4. How many molecules of each reactant remained at 

the completion of the reaction? 

5. Repeat the experiment and compare the results. 



12.1 The Arithmetic of Equations 1 

Connecting to Your World silk is one of the most beautiful 

and luxurious of all fabrics. It is spun from the cocoons of silkworms. Silk 

manufacturers know from experience that to pro¬ 

duce enough silk to make just one elegant Japa¬ 
nese kimono they will need over 3000 

cocoons. In a similar fashion, chemists need 
to know how much reactant is needed to 

make a certain amount of product.The 

answer lies in chemical equations. From a 
balanced chemical equation, you can deter¬ 

mine the quantities of reactants and products 
in a reaction. 

Using Everyday Equations 
When you bake cookies, you probably use a recipe. A cookie recipe tells you 

the precise amounts of ingredients to mix to make a certain number of 

cookies, as shown in Figure 12.1. If you need a larger number of cookies 

than the recipe provides, you can double or triple the amounts of ingredi¬ 

ents. A balanced chemical equation provides the same kind of quantita¬ 

tive information that a recipe does. In a cookie recipe, you can think of the 

ingredients as the reactants, and the cookies as the products. 

Here is another example. Imagine you are in charge of manufacturing for 

the Tiny Tyke Tricycle Company. The business plan for Tiny Tyke requires the 

production of 640 custom-made tricycles each week. One of your responsibi¬ 

lities is to be sure that there are enough parts available at the start of each 

workweek to make these tricycles. How can you determine the number of 

parts you need per week? 

Guide for Reading 

Key Concepts 
• How is a balanced equation like 

a recipe? 
• How do chemists use balanced 

chemical equations? 
• In terms of what quantities can 

you interpret a balanced 
chemical equation? 

• What quantities are conserved 
in every chemical reaction? 

Vocabulary 
stoichiometry 

Reading Strategy 
Using Prior Knowledge Before 
you read, jot down three things 
you know about balanced chemi¬ 
cal equations. When you have 
read the section, explain how 
what you already knew helped 
you learn something new. 

Figure 12.1 A cookie recipe 

tells you the number of cookies 
that you can expect to make 

from the listed amounts of 
ingredients. Using Models 
How can you express a 
cookie recipe as a balanced 
equation? 
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To simplify this discussion, assume that the major components of the 

tricycle are the frame (F), the seat (S), the wheels (W), the handlebars (H), 

and the pedals (P), in other words, your reactants. The figure below illus¬ 

trates how an equation can represent the manufacturing of a single tricycle. 

+ - + 

F + S + 

The finished tricycle, 

balanced equation for making a single tricycle is 

F + S + 3W+H + 2P-> FSW3HP2 

This balanced equation is a “recipe” to make a single tricycle: Making a tri¬ 

cycle requires assembling one frame, one seat, three wheels, one handle¬ 

bar, and two pedals. Now look at Sample Problem 12.1. It shows you howto 

use the balanced equation to calculate the number of parts needed to man¬ 

ufacture a given number of tricycles. 

Word Origins 
Stoichiometry comes from 

the combination of the 

Greek words stoikheioin, 

meaning "element," and 

metron, meaning "to mea¬ 

sure." Stoichiometry is the 

calculation of amounts of 

substances involved in 

chemical reactions. What 
do think the term spec¬ 

trometry means? 

Using Balanced Chemical Equations 
Nearly everything you use is manufactured from chemicals—soaps, sham¬ 

poos and conditioners, CDs, cosmetics, medicines, and clothes. In manu¬ 

facturing such items, the cost of making them cannot be greater than the 

price they are sold at. Otherwise, the manufacturer will not make a profit. 

Therefore, the chemical processes used in manufacturing must be carried 

out economically. This is where balanced equations help. 

A balanced chemical equation tells you what amounts of reactants to 

mix and what amounts of product to expect. Chemists use balanced 

chemical equations as a basis to calculate how much reactant is needed or 

product is formed in a reaction. When you know the quantity of one sub¬ 

stance in a reaction, you can calculate the quantity of any other substance 

consumed or created in the reaction. Quantity usually means the amount 

of a substance expressed in grams or moles. However, quantity could just 

as well be in liters, tons, or molecules. 

The calculation of quantities in chemical reactions is a subject of 

chemistiy called stoichiometry. Calculations using balanced equations are 

called stoichiometric calculations. For chemists, stoichiometry is a form of 

bookkeeping. For example, accountants can track income, expenditures, 

and profits for a small business by tallying each in dollars and cents. Chem¬ 

ists can track reactants and products in a reaction by stoichiometry. It 

allows chemists to tally the amounts of reactants and products using ratios 

of moles or representative particles. 

(^Checkpoint) How is stoichiometry similar to bookkeeping? 
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Calculate Solve for the unknown. 

You can write two conversion factors relating wheels to tricycles. 

3 W 
1 FSW3HP2 

and 
1 FSW3HP2 

3W 

The desired unit is W, so use the conversion factor on the left—the one 

that has W in the numerator. Multiply the number of tricycles by the 

conversion factor. 

3W 
640 ESWjHP^ X 1 1920 W 

Math Handbook 

For help with dimensional 

analysis, go to page R66. 

Using a Balanced Equation as a Recipe 

In a five-day workweek, Tiny Tyke is scheduled to make 640 tricycles. 

How many wheels should be in the plant on Monday morning to make 

these tricycles? 

Analyze List the knowns and the unknown. 

Knowns 

• number of tricycles = 640 tricycles = 640 FSW3HP2 

•F + S + 3W + H + 2P- -> FSW3HP2 

Unknown 

• number of wheels = ? wheels 

The desired conversion is tricycles (FSW3HP2)--> wheels (W). The 

balanced equation tells you that each tricycle has three w'heels, or 

1 FSW3HP2 = 3 W. The problem can be solved by using the proper 

conversion factor derived from this expression. 

Evaluate Does the result make sense? 

If three wheels are required for each tricycle, and a total of more than 

600 tricycles are being made, then a number of wheels in excess of 

1800 is a logical answer. The unit of the known cancels with the unit in 

the denominator of the conversion factor, and the answer is in the unit 

of the unknown. 

Practice Problems 

1. Tiny Tike has decided to make 

288 tricycles each day. How 

many tricycle seats, wheels, 

and pedals are needed? 

2. Write an equation that gives 

your own “recipe” for making 

a skateboard. 

Textbook 
Problem Solving 12.1 Solve 

Problem 1 with the help of an 

interactive guided tutorial. 

-with ChemASAP 
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Interpreting Chemical Equations 
In gardens such as the one shown in Figure 12.2, fertilizers are often used to 

improve the growth of flowers. As you may recall from Chapter 10, ammo¬ 

nia is widely used as a fertilizer. Ammonia is produced industrially by the 

reaction of nitrogen with hydrogen. 

N2(g) + 3H2(g)-> 2 NH3(g) 

Figure 12.2 Gardeners use 

ammonium salts as fertilizer. The 
nitrogen in these salts is essential 

to plant growth. 

The balanced chemical equation tells you the relative amounts of reac¬ 

tants and product in the reaction. However, your interpretation of the 

equation depends on how you quantify the reactants and products. A 

balanced chemical equation can be interpreted in terms of different quanti¬ 

ties, including numbers of atoms, molecules, or moles; mass; and volume. As 

you study stoichiometiy, you will learn how to read a chemical equation in 

terms of any of these quantities. 

Number of Atoms At the atomic level, a balanced equation indicates 

that the number and type of each atom that makes up each reactant also 

makes up each product. Thus, both the number and types of atoms are not 

changed in a reaction. In the synthesis of ammonia, the reactants are com¬ 

posed of two atoms of nitrogen and six atoms of hydrogen. These eight 

atoms are recombined in the product. 

Number of Molecules The balanced equation indicates that one mol¬ 

ecule of nitrogen reacts with three molecules of hydrogen. Nitrogen and 

hydrogen will always react to form ammonia in a 1:3:2 ratio of molecules. If 

you could make 10 molecules of nitrogen react with 30 molecules of hydro¬ 

gen, you would expect to get 20 molecules of ammonia. Of course, it is not 

practical to count such small numbers of molecules and allow them to 

react. You could, however, take Avogadro’s number of nitrogen molecules 

and make them react with three times Avogadro’s number of hydrogen mol¬ 

ecules. This would be the same 1:3 ratio of molecules of reactants. The reac¬ 

tion would form two times Avogadro’s number of ammonia molecules. 

Moles A balanced chemical equation also tells you the number of moles of 

reactants and products. The coefficients of a balanced chemical equation 

indicate the relative numbers of moles of reactants and products in a chemi¬ 

cal reaction. This is the most important information that a balanced chemi¬ 

cal equation provides. Using this information, you can calculate the amounts 

of reactants and products. In the synthesis of ammonia, one mole of nitrogen 

molecules reacts with three moles of hydrogen molecules to form two moles 

of ammonia molecules. As you can see from this reaction, the total number 

of moles of reactants does not equal the total number of moles of product. 

(^Checkpoint) What do the coefficients of a balanced chemical equation 

indicate? 
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Mass A balanced chemical equation obeys the law of conservation of 

mass. This law states that mass can be neither created nor destroyed in an 

ordinary chemical or physical process. As you recall, the number and type 

of atoms does not change in a chemical reaction. Therefore, the total mass 

of the atoms in the reaction does not change. Using the mole relationship, 

you can relate mass to the number of atoms in the chemical equation. The 

mass of 1 mol of N2 (28.0 g) plus the mass of 3 mol of H2 (6.0 g) equals the 

mass of 2 mol of NH3 (34 g). Although the number of moles of reactants 

does not equal the number of moles of product, the total number of grams 

of reactants does equal the total number of grams of product. 

Volume If you assume standard temperature and pressure, the equation 

also tells you about the volumes of gases. Recall that 1 mol of any gas at STP 

occupies a volume of 22.4 L. The equation indicates that 22.4 L of N? reacts 

with 67.2 L (3 x 22.4 L) of H2. This reaction forms 44.8 L (2 X 22.4 L) of NH3. 

Mass Conservation in Chemical Reactions 
Figure 12.3 summarizes the information derived from the balanced chemi¬ 

cal equation for the formation of ammonia. As you can see, the mass of the 

reactants equals the mass of the products. In addition, the number of 

atoms of each type in the reactants equals the number atoms of each type 

in the product, Mass and atoms are conserved in every chemical 

reaction. However, molecules, formula units, moles, and volumes are not 

necessarily conserved—although they may be. Consider, for example, the 

formation of hydrogen iodide, 

H2(g) + I2(g)-> 2HI(g) 

In this reaction, molecules, moles, and volume are all conserved. But in the 

majority of chemical reactions, they are not. 

N2(9) + 3H2(g) -» 2IMH3(9) 

****** 

2 atoms N + 6 atoms H - 
2 atoms N and 

6 atoms H 

1 molecule l\l2 + 3 molecules H2 -» 2 molecules NH3 

10 molecules N2 + 30 molecules H2 -> 20 molecules NH3 

x / 6.02 x 1023 \ 

'molecules N2' 
+ 

f 6.02 x 1023 l 
’molecules H2' 

I 6.02 x 1023 
X ’molecules NH 

1 mol N2 + 3 mol H2 -h > 2 mol NH3 

28 g N2 + 3 x 2 g H2 — > 2 x 17 g NH3 

34 g reactants > 34 g products 

Assume 22.4 
STP L 

-I- 
22.4 22.4 22.4 

L L L 

22.4 22.4 

L L 

22.4 L N2 67.2 L H2 44.8 L NH3 

rGo inline 
-■<®,sc/l«s 

For: Links on Conservation 

of Mass 

Visit: www.SciLinks.org 

Web Code: cdn-1121 , 

Figure 12.3 The balanced 

chemical equation for the 

formation of ammonia can be 

interpreted in several ways. 

Predicting How many mol¬ 
ecules of NH3 could be made 

from 5 molecules of N2 and 15 
molecules ofH2? 
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Interpreting a Balanced Chemical Equation 

Hydrogen sulfide, which smells like rotten eggs, is found in volcanic 

gases. The balanced equation for the burning of hydrogen sulfide is: 

2H2S(g) + 302(g)-> 2S02(g) + 2H20(g) 

Interpret this equation in terms of 

a. numbers of representative particles and moles. 

b. masses of reactants and products. 

^ Analyze Identify the relevant concepts. 

a. The coefficients in the balanced equation 

give the relative number of molecules or 

moles of reactants and products. 

b. A balanced chemical equation obeys the 

law of conservation of mass. 

Solve Apply concepts to this situation. 

a. 2 molecules H2S + 3 molecules 02-> 

2 molecules S02 + 2 molecules H20 

2 mol H2S + 3 mol 02-> 

2 mol S02 + 2 mol H20 

b. Multiply the number of moles of each reactant 

and product by its molar mass: 

2 mol H2S + 3 mol 02-> 2 mol S02 + 2 mol H20. 

( 2 mot X 34.1^) + (^3 mol X 32.0^^--> 

^2 mol X 64.1-^j^ + ^2 mol X 18.0-^J 

68.2 g H2S + 96.0 g 02-> 128.2 g S02 + 36.0 g H20 

164.2 g = 164.2 g 

Practice Problems 

3. Interpret the equation for the formation of water 

from its elements in terms of numbers of mole¬ 

cules and moles, and volumes of gases at STP. 

2H2(g) + 02(g)-> 2H20(g) 

relative numbers of moles, volumes of gas at STP, 

and masses of reactants and products. 
@ 

r interactive 
w Textbook 

4. Balance the following equation. 

C2H2(g) + 02(g)-> C02(g) + H20(g) 

Interpret the balanced equation in terms of 

Problem-Solving 12.4 Solve 

Problem 4 with the help of an 

interactive guided tutorial. 

_with ChemASAP 

12.1 Section Assessment 

5. Key Concept How is a balanced equation simi¬ 

lar to a recipe? 

6. Key Concept How do chemists use balanced 

equations? 

7. Ce** Key Concept Chemical reactions can be 

described in terms of what quantities? 

8. Key Concept What quantities are always con¬ 

served in chemical reactions? 

9. Interpret the given equation in terms of relative 

numbers of representative particles, numbers of 

moles, and masses of reactants and products. 

2K(s) + 2H,0(/)-> 2KOH(aq) + H2(g) 

10. Balance this equation: C2H5OH(Z) + O2(g)-> 

C02(g) + HzO(g). Show that the balanced equation 

obeys the law of conservation of mass. 

Writing Activity 

Explanatory Paragraph Explain this statement: 

"Mass and atoms are conserved in every chemical 

reaction, but moles are not necessarily conserved." 

0 

Assessment 12.1 Test yourself on 

the concepts in Section 12.1. 

with ChemASAP 
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12.2 Chemical Calculations 

Connecting to Your World Air bags jnflate almost instanta. 

neously upon a car's impact.The effectiveness of air bags is based on the 

rapid conversion of a small mass of sodium azide into a large volume of 

gas.The gas fills an air bag, preventing the 

driver from hitting the steering wheel 

or dashboard.The entire reaction 

occurs in less than a second. In this 

section you will learn howto use a 

balanced chemical equation to 

calculate the amount of product 

formed in a chemical reaction. 

Writing and Using Mole Ratios 
As you just learned, a balanced chemical equation provides a great deal of 

quantitative information. It relates particles (atoms, molecules, formula 

units), moles of substances, and masses. A balanced chemical equation 

also is essential for all calculations involving amounts of reactants and 

products. For example, suppose you know the number of moles of one sub¬ 

stance. The balanced chemical equation allows you to determine the num¬ 

ber of moles of all other substances in the reaction. 

Look again at the balanced equation for the production of ammonia 

from nitrogen and hydrogen: 

N2(g) + 3H2(g)-> 2NH3(g) 

The most important interpretation of this equation is that 1 mol of nitrogen 

reacts with 3 mol of hydrogen to form 2 mol of ammonia. Based on this 

interpretation, you can write ratios that relate moles of reactants to moles 

of product. A mole ratio is a conversion factor derived from the coefficients 

of a balanced chemical equation interpreted in terms of moles. In 

chemical calculations, mole ratios are used to convert between moles of reac¬ 

tant and moles of product, between moles of reactants, or between moles of 

products. Three mole ratios derived from the balanced equation above are: 

1 mol N2 2 mol NH3 3 mol H2 

3 mol H2 1 mol N2 2 mol NH3 

Mole-Mole Calculations In the mole ratio below, W is the unknown 

quantity and G is the given quantity. The values of a and b are the coeffi¬ 

cients from the balanced equation. Thus a general solution for a mole-mole 

problem, such as Sample Problem 12.2, is given by 

xmebG x amefG = mo W 

Given Mole ratio Calculated 

Guide for Reading 

Key Concepts 
• How are mole ratios used in 

chemical calculations? 

• What is the general procedure 

for solving a stoichiometric 

problem? 

Vocabulary 
mole ratio 

Reading Strategy 
Relating Text and Visuals As 

you read, look closely at Figure 

12.8. Explain how this illustration 

helps you understand the rela¬ 

tionship between known and 

unknown quantities in a stoichio¬ 

metric problem. 

Figure 12.4 Manufacturing 

plants produce ammonia by 

combining nitrogen with 

hydrogen. Ammonia is used in 

cleaning products, fertilizers, 

and in the manufacture of 

other chemicals. 
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Figure 12.5 To determine the 

number of moles in a sample of a 

compound, first measure the 

mass of the sample. Then use the 

molar mass to calculate the 

number of moles in that mass. 

For help with dimensional 

analysis, go to page R66. 

Textbook 

Problem-Solving 12.12 Solve 

Problem 12 with the help of an 

interactive guided tutorial. 

_with ChemASAP 

SAMPLE PROBLEM 12.2 

Calculating Moles of a Product 

How many moles of ammonia are produced when 0.60 mol of nitrogen 

reacts with hydrogen? 

Analyze List the known and the unknown. 

Known 

• moles of nitrogen = 0.60 mol N2 

Unknown 

• moles of ammonia = ? mol NH3 

The conversion is mol N2-> mol NH3. According to the balanced 

equation, 1 mol N2 combines with 3 mol H2 to produce 2 mol NH3. To 

determine the number of moles of NH3, the given quantity of N2 is 

multiplied by the form of the mole ratio from the balanced equation that 

allows the given unit to cancel. This mole ratio is 2 mol NH3/f mol N2. 

Calculate Solve for the unknown. 

2 mol NH, 
0.60mehNTX . ^ 

2 1 meHsb 
= 1.2 mol NH., 

Evaluate Does the result make sense? 

The ratio of 1.2 mol NH3 to 0.60 mol N2 is 2:1, as predicted by the 

balanced equation. 

Practice Problems 

11. This equation shows the forma¬ 

tion of aluminum oxide, which 

is found on the surface of alumi¬ 

num objects exposed to the air. 

4Al(s) + 302(g)--> 2A1203(s) 

a. Write the six mole ratios that 

can be derived from this 

equation. 

b. How many moles of alumi¬ 

num are needed to form 

3.7 mol A1203? 

12. According to the equation in 

Problem 11: 

a. How many moles of oxygen 

are required to react com¬ 

pletely with 14.8 mol Al? 

b. How many moles of A1203 

are formed when 0.78 mol 

02 reacts with aluminum? 

Mass-Mass Calculations No laboratory balance can measure substa¬ 

nces directly in moles. Instead, the amount of a substance is usually deter¬ 

mined by measuring its mass in grams, as shown in Figure 12.5. From the 

mass of a reactant or product, the mass of any other reactant or product in a 

given chemical equation can be calculated. The mole interpretation of a bal¬ 

anced equation is the basis for this conversion. If the given sample is mea¬ 

sured in grams, the mass can be converted to moles by using the molar 

mass. Then the mole ratio from the balanced equation can be used to calcu¬ 

late the number of moles of the unknown. If it is the mass of the unknown 

that needs to be determined, the number of moles of the unknown can be 

multiplied by the molar mass. As in mole-mole calculations, the unknown 

can be either a reactant or a product. 
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SAMPLE PROBLEM 12.3 

Calculating the Mass of a Product 

Calculate the number of grams of NH3 produced by the reaction of 

5.40 g of hydrogen with an excess of nitrogen. The balanced equation is 

N2 (g) + 3H2 (g)-> 2NH3 (g) 

U Analyze List the knowns and the unknown. 

Knowns 

• mass of hydrogen = 5.40 g H2 

• 3 mol H2 = 2 mol NH3 (from balanced equation) 

• 1 mol H2 = 2.0 g H2 (molar mass) 

• 1 mol NH3 - 17.0 g NH3 (molar mass) 

Unknown 

• mass of ammonia = ? g NH3 

The mass in grams of hydrogen will be used to find the mass in grams 

of ammonia: 

g H2-> g NTI3 

The following steps are necessary to determine the mass of ammonia: 

g Il|-> mol H2-> mol NH3-> g NH3 

The coefficients of the balanced equation show that 3 mol H2 reacts 

with 1 mol N2 to produce 2 mol NII3. The mole ratio relating mol NH3 

to mol H2 is 2 mol NH3/3 mol H2. 

Calculate Solve for the unknown. 

This following series of calculations can be combined: 

g H2-> mol H2-> mol NH3-> g NH3 

5.40 gTt) X 
1 meTTT; 

2.0 

2 moTNTT) 

3 roeTTT) 
X 

17.0 gNH3 

1 mol-NTT, 
31 g NH3 

Given Change given Mole ratio Change moles 

quantity unit to moles to grams 

Evaluate Does the result make sense? 

Because there are three conversion factors involved in this solution, it 

is more difficult to estimate an answer. However, because the molar 

mass of NH3 is substantially greater than the molar mass of H2, the 

answer should have a larger mass than the given mass. The answer 

should have two significant figures. 

Practice Problems : ::tr f: iff 

13. Acetylene gas (C2H2) is pro¬ 

duced by adding water to 

calcium carbide (CaC2). 

C.aC2(s) + 2HzO(/)-^ 

C2H2(g) + Ca(OH )2{aq) 

14. Using the same equation, deter¬ 

mine how many moles of CaC2 

are needed to react completely 

with 49.0 g H20. 

How many grams of acety¬ 

lene are produced by adding 

water to 5.00 g CaC2? 

CHEMath 

Significant Figures 

The significant figures in a 

measurement are all the dig¬ 

its known with certainty plus 

one estimated digit.The 

number of significant figures 

in the measurements used in 

a calculation determines how 

you round the answer. 

When multiplying and 

dividing measurements,the 

rounded answer can have no 

more significant figures than 

the least number of signifi¬ 

cant figures in any measure¬ 

ment in the calculation. 

The product of 3.6 m X 

2.48 m = 8.928 m2 is 

rounded to 8.9 m2 (2 signifi¬ 

cant figures). 

When adding and sub¬ 

tracting measurements, the 

answer can have no more 

decimal places than the least 

number of decimal places in 

any measurement in the 

problem.The difference of 

8.78 cm - 2.2 cm = 6.58 cm 

is rounded to 6.6 cm (one 

decimal place). 

Handbook 

For help with significant 

figures, go to page R59. 

Problem-Solving 12.13 Solve 

Problem 13 with the help of an 

interactive guided tutorial. 

with ChemASAP 
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Figure 12.6 In this Hubble 

Space Telescope image, clouds 

of condensed ammonia are 

visible covering the surface of 

Saturn. 

If the law of conservation of mass is true, how is it possible to make 31 g 

NH3 from only 5.40 g H2? Looking back at the equation for the reaction, you 

will see that hydrogen is not the only reactant. Another reactant, nitrogen, is 

also involved. If you were to calculate the number of grams of nitrogen 

needed to produce 31 g NH3 and then compare the total masses of reactants 

and products, you would have an answer to this question. Go ahead and try it! 

Mass-mass problems are solved in basically the same way as mole- 

mole problems. Figure 12.7 reviews the steps for the mass-mass conversion 

of any given mass (G) and any wanted mass (W). 

Steps in Solving a Mass-Mass Problem 

1. Change the mass of G to moles of G (mass G 

using the molar mass of G. 

1 mol G 
mass G x = mol G 

molar mass G 

Change the moles of G to moles of W (mol G — 

using the mole ratio from the balanced equation. 

mol G X iLDTQlJ^ = mol W 
nmol G 

Change the moles of W to grams of W (mol W — 

using the molar mass of W. 

molar mass W 
mol W X 

1 mol W 
mass W 

> mol G) by 

» mol W) by 

* mass W) by 

Figure 12.7 also shows the steps for doing mole-mass and mass-mole 

stoichiometric calculations. For a mole-mass problem, the first conversion 

(from mass to moles) is skipped. For a mass-mole problem, the last conver¬ 

sion (from moles to mass) is skipped. You can use parts of the three-step 

process shown in Figure 12.7 as they are appropriate to the problem you 

are solving. 

Figure 12.7 This general 

solution diagram indicates the 

steps necessary to solve a mass- 

mass stoichiometry problem: 

convert mass to moles, use the 

mole ratio, and then convert 

moles to mass. Inferring Is the 
given always a reactant? 

aG -» bW 

(given quantity) (wanted quantity) 

mass 
of G X 

§ mol G 

mass G 
mol G x fomoliaV mol W x ™-ss-^ + mass 

a mol G 1 mol W of W 

Mole ratio from Mole-mass 
balanced equation conversion 
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aG bW 

(given quantity) (wanted quantity) 

Other Stoichiometric Calculations 
As you already know, you can obtain mole ratios from a balanced chemical 

equation. From the mole ratios, you can calculate any measurement unit 

that is related to the mole. The given quantity can be expressed in numbers 

of representative particles, units of mass, or volumes of gases at STP. The 

problems can include mass-volume, particle-mass and volume-volume 

calculations. For example, you can use stoichiometry to relate volumes of 

reactants and products in the reaction shown in Figure 12.8. <T^ In a typi¬ 

cal stoichiometric problem, the given quantity is first converted to 

moles. Then the mole ratio from the balanced equation is used to calcu¬ 

late the number of moles of the wanted substance. Finally, the moles are 

converted to any other unit of measurement related to the unit mole, as 

the problem requires. 

Thus far, you have learned how to use the relationship between moles 

and mass (1 mol = molar mass) in solving mass-mass, mass-mole, and 

mole-mass stoichiometric problems. The mole-mass relationship gives 

you two conversion factors. 

1 mol ancj molar mass 
molar mass 1 mol 

Recall from Chapter 10 that the mole can be related to other quantities 

as well. For example, 1 mol = 6.02 X 1023 representative particles, and 

1 mol of a gas = 22.4 L at STP. These two relationships provide four more 

conversion factors that you can use in stoichiometric calculations. 

_1 mol_ 
6.02 X 1023 particles 

1 mol 
22.4 L 

and 
6.02 X 1023 particles 

1 mol 

and 
22.4 L 
1 mol 

Figure 12.8 summarizes the steps for a typical stoichiometric problem. 

Notice that the units of the given quantity will not necessarily be the same as 

the units of the wanted quantity. For example, given the mass of G, you 

might be asked to calculate the volume of Wat STP. 

(^Checkpoint) What conversion factors can you write based on the mole- 

mass and mole-volume relationships? 

Figure 12.8 With your 

knowledge of conversion factors 

and this problem-solving 

approach, you can solve a variety 

of stoichiometric problems. 

Identifying What conversion 
factor is used to convert moles 

to representative particles? 

Textbook 

Simulation 13 Strengthen 

your analytical skills by solving 

stoichiometric problems. 

with ChemASAP 
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Hydrogen (H2) Oxygen (02) SAMPLE PROBLEM 12.4 

The electrolysis of water causes it 

to decompose into hydrogen 

and oxygen. 

Calcuiating Molecules of a Product 

How many molecules of oxygen are produced when 29.2 g of water is 

decomposed by electrolysis according to this balanced equation? 

2H20(Z) eleCtridty > 2H2(g) + 02(g) 

Analyze List the knowns and the unknown. 

Knowns 

• mass of water = 29.2 g H20 

• 2 mol H20 = 1 mol 02 (from balanced equation) 

• 1 mol H20 = 18.0 g H20 (molar mass) 

• 1 mol 02 = 6.02 X 1023 molecules 02 

Unknown 

• molecules of oxygen = ? molecules 02 

The following calculations need to be done: 

g H20-> mol H20-> mol 02-> molecules 02 

The appropriate mole ratio relating mol 02 to mol H20 from the 

balanced equation is 1 mole 02/2 mol H20. 

Calculate Solve for the unknown. 

1 moTFbO 1 meTO; 6.02 X 1023 molecules O, 
29.2 gTHO x y80 gH:f) x x imehGq 

Handbook 

For help with dimensional 

analysis, go to page R66. 

Textbook 

Problem-Solving 12.15 Solve 

Problem 15 with the help of an 

interactive guided tutorial. 

-with ChemASAP 

Given 

quantity 

Change 

to moles 

Mole ratio Change to molecules 

= 4.88 X 1023 molecules O, 

@ Evaluate Does the result make sense? 

The given mass of water should produce a little less than 1 mol of 

oxygen, or a little less than Avogadro’s number of molecules. The 

answer should have three significant figures. 

Practice Problems 

>. How many molecules of 16. The last step in the production 

DYwen arpnrndnrpd hvthp nf nitric arid is thp rpartirm nf oxygen are produced by the 

decomposition of 6.54 g of 

potassium chlorate (KC103)? 

2KC103(s)-> 

2KCl(s) + 302(g) 

of nitric acid is the reaction of 

nitrogen dioxide with water. 

3N02(g) + H20(Z) — 

2HN03(flt7) + NO(g) 

How many grams of nitrogen 

dioxide must react with water to 

produce 5.00 x 1022 molecules 

of nitrogen monoxide? 

The coefficients in a chemical equation indicate the relative number of 

particles and the relative number of moles of reactants and products. For a 

reaction involving gaseous reactants or products, the coefficients also indi¬ 

cate relative amounts of each gas. As a result, you can use volume ratios in 

the same way you have used mole ratios. 
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m Evaluate Does the result make sense? 

Because 2 mol N02 is produced for each 1 mol 02 that reacts, the 

volume of N02 should be twice the given volume of 02. The answer 

should have two significant figures. 

Practice Problems 

17. The equation for the combus¬ 

tion of carbon monoxide is 

2CO (g) + 02(g)-> 2COz(g) 

How many liters of oxygen are 

required to burn 3.86 L of car¬ 

bon monoxide? 

18. Phosphorus and hydrogen 

can be combined to form 

phosphine (PH3). 

P4(5) + 6H2(g)-> 4PH3(g) 

How many liters of phos¬ 

phine are formed when 

0.42 L of hydrogen reacts 

with phosphorus? 

M Calculate Solve for the unknown. 

34 Tr©^ X 22.4 HO; 
1 meKT) 2moTNO; 22.4 L NO, 

Given 

quantity 

Change to 

moles 

1 moKT; 

Mole ratio 

1 moTNO^ 

Change to 

liters 

= 68 L NO, 

Textbook 

Problem-Solving 12.18 Solve 

Problem 18 with the help of an 

interactive guided tutorial. 

_with ChemASAP 

Volume-Volume Stoichiometric Calculations 

Nitrogen monoxide and oxygen gas combine to form the brown gas 

nitrogen dioxide, which contributes to photochemical smog. How 

many liters of nitrogen dioxide are produced when 34 L of oxygen 

reacts with an excess of nitrogen monoxide? Assume conditions of STP. 

2NO(g) + 02(g)-> 2N02(g) 

Analyze List the knowns and the unknown. 

Knowns 

• volume of oxygen = 34 L 02 

• 2 mol N02/1 mol 02 (mole ratio from balanced equation) 

• 1 mol 02 = 22.4 L 02 (at STP) 

• 1 mol N02 = 22.4 L N02 (at STP) 

Unknown 

• volume of nitrogen dioxide = ? L N02 

Did you notice that in Sample Problem 12.5 the 22.4 L/mol factors 

canceled out? This will always be true in a volume-volume problem. 

Remember that coefficients in a balanced chemical equation indicate 

the relative numbers of moles. The coefficients also indicate the relative 

volumes of interacting gases. 
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___ Handbook 

For help with dimensional 

analysis, go to page R66. 

Textbook 

Problem-Solving 12.19 Solve 

Problem 19 with the help of an 

interactive guided tutorial. 

>_with ChemASAP 

SAMPLE PROBLEM 12.6 

Finding the Volume of a Gas Needed for a Reaction 

Assuming STP, how many milliliters of oxygen are needed to produce 

20.4 mL S03 according to this balanced equation? 

2S02(g) + 02(g) -->2S03(g) 

y| Analyze List the knowns and the unknown. 

Knowns 

• volume of sulfur trioxide = 20.4 mL 

• 2 mL S03/1 mL 02 (volume ratio from balanced equation) 

Unknown 

• volume of oxygen = ? mL 02 

Calculate Solve for the unknown. 

1 mL O, 
20.4 mLrSO^ X 2 = 10.2 mLO, 

' p Evaluate Does the result make sense? 

Because the volume ratio is 2 volumes S03 to 1 volume 02, the volume 

of 02 should be half the volume of S03. The answer should have three 

significant figures. 

Practice Problems 

Consider this equation: 

CS 2(l) + 302(g) — 

19. Calculate the volume of sulfur 

dioxide produced when 27.9 

mL 02 reacts with carbon 

disulfide. 

-> C02(g) + 2S02(g) 

20. How many deciliters of car¬ 

bon dioxide are produced 

when 0.38 L S02 is formed? 

12.2 Section Assessment 

21. Key Concept How are mole ratios used in 

chemical calculations? 

22. Key Concept Outline the sequence of steps 

needed to solve a typical stoichiometric problem. 

23. Write the 12 mole ratios that can be derived from the 

equation for the combustion of isopropyl alcohol. 

2C3H7OH(/) + 902(g)-» 6C02(g) + 8H20(g) 

24. The combustion of acetylene gas is represented by 

this equation: 

2C2H2(g) + 502(g)-> 4C02(g) + 2H20(g) 

How many grams of C02 and grams of H20 are 

produced when 52.0 g C2H2 burns in oxygen? 

Connecting x Concepts 

Chemical Quantities Review the "mole road map" 

at the end of Section 10.2. Explain how this road map 

ties into the summary of steps for stoichiometric 

problems shown in Figure 12.8. 

Textbook 

Assessment 12.2 Test yourself 

on the concepts in Section 12.2. 

>-with ChemASAP 
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Purpose 

To determine the mass of sodium hydrogen carbonate 

in a sample of baking soda using stoichiometry. 

Materials 
baking soda 

3 plastic cups 

soda straw 

balance 

pipets of HCI, NaOH, and thymol blue 

pH sensor (optional) 

Procedure if§l flgf 

Probeware version available in the 

Probeware Lab Manual. 

A. Measure the mass of a clean, dry plastic cup. 

B. Using the straw as a scoop,fill one end with baking soda 

to a depth of about 1 cm. Add the sample to the cup and 

measure its mass again. 

C. Place two HCI pipets that are about 3/4 full into a clean 

cup and measure the mass of the system. 

D. Transfer the contents of both HCI pipets to the cup con¬ 

taining baking soda. Swirl until the fizzing stops. Wait 

5-10 minutes to be sure the reaction is complete. Mea¬ 

sure the mass of the two empty HCI pipets in their cup 

again. 

E. Add 5 drops of thymol blue to the plastic cup. 

F. Place two full NaOH pipets in a clean cup and measure 

the mass of the system. 

G. Add NaOH slowly to the baking soda/HCI mixture until 

the pink color just disappears. Measure the mass of the 

NaOH pipets in their cup again. 

Analyze 
Using your experimental data, record the answers to the 

following questions below your data table. 

1. Write a balanced equation for the reaction between 

baking soda (NaHC03) and HCI. 

2. Calculate the mass in grams of the baking soda. 

(Step B - Step A) 

3. Calculate the total mmoi of 1M HCI. 

Note: Every gram of HCI contains 1 mmol. 

(Step C - Step D) X 1.00 mmol/g 

4. Calculate the total mmol of 0.5/W NaOH. 

Note: Every gram of NaOH contains 0.5 mmol. 

(Step F — Step G) X 0.500 mmol/g 

5. Calculate the mmol of HCI that reacted with the bak¬ 

ing soda. Note:The NaOH measures the amount of HCI 

that did not react. 

(Step 3 - Step 4) 

6. Calculate the mass of the baking soda from the 

reaction data. 

(0.084 g/mmol X Step 5) 

7. Calculate the percent error of the experiment. 

(Step 2 — Step 6) 

Step 2 
X 100% 

You're the Chemist 

The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Analyze It! For each calculation you did, substitute 

each quantity (number and unit) into the equation and 

cancel the units to explain why each step gives the 

quantity desired. 

2. Design It! Baking powder consists of a mixture of bak¬ 

ing soda, sodium hydrogen carbonate,and a solid acid, 

usually calcium dihydrogen phosphate (Ca(H2P04)2). 

Design and carry out an experiment to determine the 

percentage of baking soda in baking powder. 
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X 
12.3 Limiting Reagent and Percent Yield 

Guide for Reading 

Key Concepts 
• How is the amount of product 

in a reaction affected by an 

insufficient quantity of any of 

the reactants? 

• What does the percent yield of 

a reaction measure? 

Vocabulary 
limiting reagent 

excess reagent 

theoretical yield 

actual yield 

percent yield 

Reading Strategy 
Building Vocabulary After you 

have read the section, explain the 

differences among theoretical 
yield, actual yield, and percent yield. 

Connecting to Your World (f a carpenter had two table- 

tops and seven table legs, he would have difficulty building more than 

one functional four-legged table.The first table would 

require four of the legs, leaving just three legs for the 

second table. In this case, the number of table 

legs is the limiting factor in the construction 

of four-legged tables. A similar concept 

applies in chemistry.The amount of 

product made in a chemical reaction 

may be limited by the amount of one 

or more of the reactants. 

Limiting and Excess Reagents 
Many cooks follow a recipe when making a new dish. They know that suffi¬ 

cient quantities of all the ingredients must be available. Suppose, for exam¬ 

ple, that you are preparing to make lasagna and you have more than 

enough meat, tomato sauce, ricotta cheese, eggs, mozzarella cheese, spin¬ 

ach, and seasoning on hand. However, you have only half a box of lasagna 

noodles. The amount of lasagna you can make will be limited by the 

quantity of noodles you have. Thus, the noodles are the limiting ingredient 

in this baking venture. Figure 12.9 illustrates another example of a limiting 

ingredient in the kitchen. A chemist often faces a similar situation. <T^ In a 

chemical reaction, an insufficient quantity of any of the reactants will limit 

the amount of product that forms. 

Figure 12.9 The amount 

of product is determined by 

the quantity of the limiting 

reagent. In this example, the 

rolls are the limiting reagent. 

No matter how much of the 

other ingredients you have, 

with two rolls you can make 

only two sandwiches. 
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Chemical Equations 

N2(g) + 3H2(g) 2NH3(g) 

"Microscopic recipe" 1 molecule N2 + 3 molecules H2 —> 2 molecules NH3 

"Macroscopic recipe" 1 mol N2 + 3 mol H2 —> 2 mol NH3 

Experimental Conditions 

Reactants Products 

y) 
Before reaction ^ 

2 molecules N2 3 molecules H2 0 molecules NH3 

. AM 
After reaction 

1 molecule N2 0 molecules H2 2 molecules NH3 

Figure 12.10 The "recipe" calls 

for 3 molecules of H2 for every 

1 molecule ofN2. In this particular 

experiment, H2 is the limiting 

reagent and N2 is in excess. 

Inferring How would the 

amount of products formed 

change if you started with four 
molecules of N2 and three 

molecules ofH2? 

As you know, a balanced chemical equation is a chemist’s recipe. You 

can interpret the recipe on a microscopic scale (interacting particles) or on 

a macroscopic scale (interacting moles). The coefficients used to write the 

balanced equation give both the ratio of representative particles and the 

mole ratio. Recall the equation for the preparation of ammonia: 

N2(g) +3H2(g)-> 2NH3(g) 

When one molecule (mole) of N2 reacts with three molecules (moles) of 

H2, two molecules (moles) of NH3 are produced. What would happen if two 

molecules (moles) of N2 reacted with three molecules (moles) of H2? Would 

more than two molecules (moles) of NH:( be formed? Figure 12.10 shows 

both the particle and the mole interpretations of this problem. 

Before the reaction takes place, nitrogen and hydrogen are present in a 

2:3 molecule (mole) ratio. The reaction takes place according to the bal¬ 

anced equation. One molecule (mole) of N2 reacts with three molecules 

(moles) of H2 to produce two molecules (moles) of NH3. At this point, all the 

hydrogen has been used up, and the reaction stops. One molecule (mole) 

of unreacted nitrogen is left in addition to the two molecules (moles) of 

NH3 that have been produced by the reaction. 

In this reaction, only the hydrogen is completely used up. It is the 

limiting reagent, or the reagent that determines the amount of product that 

can be formed by a reaction. The reaction occurs only until the limiting 

reagent is used up. By contrast, the reactant that is not completely used up 

in a reaction is called the excess reagent. In this example, nitrogen is the 

excess reagent because some nitrogen will remain unreacted. 

Sometimes in stoichiometric problems, the given quantities of reac¬ 

tants are expressed in units other than moles. In such cases, the first step in 

the solution is to convert each reactant to moles. Then the limiting reagent 

can be identified. The amount of product formed in a reaction can be 

determined from the given amount of limiting reagent. 

ffi^Checkpoint) How do limiting and excess reagents differ? 

rGo inline 

-<mtSCl,NKS 
For: Links on Hydrogen 

Visit: www.SciLinks.org 

Web Code: cdn-1123 

!©fSw® 
Textbook 

Animation 13 Apply the 

limiting reagent concept to the 

production of iron from iron ore. 

■_with ChemASAP 
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p SAMPLE PROBLEM 12.7 

Determining the Limiting Reagent in a Reaction 

Copper reacts with sulfur to form copper(I) sulfide according to the 

following balanced equation. 

2Cu(s) + S(s)-» Cu2S(5) 

What is the limiting reagent when 80.0 g Cu reacts with 25.0 g S? 

|| Analyze List the knowns and the unknown. 

Knowns Unknown 
• mass of copper -= 80.0 g Cu • limiting reagent = ? 

• mass of sulfur = 25.0 g S 

The number of moles of each reactant must first be found: 

g Cu - 

gs- 

-* mol Cu 

-> mol S 

The balanced equation is used to calculate the number of moles of one 

reactant needed to react with the given amount of the other reactant: 

mol Cu-> mol S 

The mole ratio relating mol S to mol Cu from the balanced chemical 

equation is 1 mol S/2 mol Cu. 

(ip Calculate Solve for the unknown. 

80.0 g-en x = 1.26 mol Cu 

25.0 g-S X * 0.779 mol S 

1.26 moTCtl X 
1 mol S 

2 meKrtl 
0.630 mol S 

Given Mole Needed 

quantity ratio amount 

Comparing the amount of sulfur needed (0.630 mol S) with the given 

amount (0.779 mol S) indicates that sulfur is in excess. Thus copper is 

the limiting reagent. 

§|j Evaluate Do the results make sense? 

Since the ratio of the given mol Cu to mol S was less than the ratio (2:1) 

from the balanced equation, copper should be the limiting reagent. 

Practice Problems 

Sulfur (S) Copper (Cu) 

Copper(l) sulfide (Cu2S) 

Handbook 

For help with dimensional 

analysis, go to page R66. 

9 

r Aitaracthrft 
Textbook 

Problem-Solving 12.25 Solve 

Problem 25 with the help of an 

interactive guided tutorial. 

with ChemASAP 

25. The equation for the com¬ 

plete combustion of ethene 

(C2H4) is 

C2H4(g) + 302(g)-> 

2C02(g) + 2H20(g) 

If 2.70 mol C2H4 is reacted 

with 6.30 mol 02, identify the 

limiting reagent. 

26. Hydrogen gas can be pro¬ 

duced by the reaction of 

magnesium metal with 

hydrochloric acid. 

Mg(s) + 2HCl(at7)-> 

MgCl 2{aq) + H2(g) 

Identify the limiting reagent 

when 6.00 g HC1 reacts with 

5.00 g Mg. 
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In Sample Problem 12.7, you may have noticed that even though the 

mass of copper used in the reaction is greater than the mass of sulfur, cop¬ 

per is the limiting reagent. The reactant that is present in the smaller 

amount by mass or volume is not necessarily the limiting reagent. 

SAMPLE PROBLEM 12.8 

Using a Limiting Reagent to Find the Quantity of a Product 

What is the maximum number of grams of Cu2S that can be formed 

when 80.0 g Cu reacts with 25.0 g S? 

2Cu(s) + S(s)-> Cu2S(s) 

U Analyze List the knowns and the unknown. 

Knowns 

• limiting reagent = 1.26 mol Cu (from Sample Problem 12.7) 

• 1 mol Cu2S = 159.1 g Cu2S (molar mass) 

Unknown 

• mass copper(I) sulfide = ? g Cu2S 

The limiting reagent, which was determined in the previous sample 

problem, is used to calculate the maximum amount of Cu2S formed: 

mol Cu-> mol Cu2S-> g Cu2S 

The equation yields the appropriate mole ratio: 1 mol Cu2S/2 mol Cu. 

Calculate Solve for the unknown. 

1 rooTCmS 159.1 gCu2S 
1.26nX 2meK;o X lmeW3n?5 = 1-0° x 10 gCu2S 

The given quantity of copper, 80.0 g, could have been used for this step 

instead of the moles of copper, which were calculated in Sample 

Problem 12.7. 

Evaluate Do the results make sense? 

Copper is the limiting reagent in this reaction. The maximum number 

of grams of Cu2S produced should be more than the amount of copper 

that initially reacted because copper is combining with sulfur. How¬ 

ever, the mass of Cu2S produced should be less than the total mass of 

the reactants (105.0 g) because sulfur was in excess. 

Practice Problems 

27. The equation below shows the 

incomplete combustion of 

ethene. 

C2H4(g) + 202(g)-> 
2CO(g) + 2H20(g) 

If 2.70 mol C2H4 is reacted 

with 6.30 mol 02, 

a. identify the limiting reagent. 

b. calculate the moles of water 

produced. 

28. The heat from an acetylene 

torch is produced by burning 

acetylene (C2H2) in oxygen. 

2C2H2(g) + 502(g)-> 
4C02(g) + 2H20(g) 

How many grams of water can 

be produced by the reaction of 

2.40 mol C2H2 with 7.40 mol 

02? 

Textbook 

Problem-Solving 12.28 Solve 
Problem 28 with the help of an 
interactive guided tutorial. 

.with ChemASAP 



Limiting Reagents 

Purpose 

To illustrate the concept of 

a limiting reagent in a 

chemical reaction. 

Materials 
• graduated cylinder 

• balance 

• 3 250-mL Erlenmeyer 

flasks 

• 3 rubber balloons 

• 4.2 g magnesium ribbon 

• 300 mL 1.0/W hydrochlo¬ 

ric acid 

Procedure ^ si a a m 
1. Add 100 mL of the hydrochloric acid 

solution to each flask. 

2. Weigh out 0.6 g, 1.2 g, and 2.4 g of 

magnesium ribbon, and place each 

sample into its own balloon. 

3. Stretch the end of each balloon over 

the mouth of each flask. Do not allow 

the magnesium ribbon in the balloon 

to fall into the flask. 

4. Magnesium reacts with hydrochloric 

acid to form hydrogen gas. When you 

mix the magnesium with the hydro¬ 

chloric acid in the next step, you will 

generate a certain volume of hydrogen 

gas. How do you think the volume of 

hydrogen produced in each flask will 

compare? 

5. Lift up on each balloon and shake the 

magnesium into each flask. Observe 

the volume of gas produced until the 

reaction in each flask is completed. 

Analyze and Conclude 
1. How did the volumes of hydrogen gas 

produced, as measured by the size of 

the balloons, compare? Did the results 

agree with your prediction? 

2. Write a balanced equation for the re¬ 

action you observed. 

3. The 100 mL of hydrochloric acid con¬ 

tained 0.10 mol HCI. Show by calcula¬ 

tion why the balloon with 1.2 g Mg 

inflated to about twice the size of the 

balloon with 0.60 g Mg. 

4. Show by calculation why the balloons 

with 1.2 g and 2.4 g Mg inflated to 

approximately the same volume. What 

was the limiting reagent when 2.4 g 

Mg was added to the acid? 

Percent Yield 

Figure 12.11 Calculating the 

ratio of the number of correct 

answers to the number of 

questions on the exam is a 

measure of how well the 

student performed on the 

exam. 

In theory, when a teacher gives an exam to the class, every student should 

get a grade of 100%. This generally does not occur, as shown in Figure 12.11. 

Instead, the performance of the class is usually spread over a range of 

grades. Your exam grade, expressed as a percentage, is a ratio of two items. 

The first item is the number of questions you answered correctly. The sec¬ 

ond is the total number of questions. The grade compares how well you 

performed with how well you could have performed if you had answered all 

the questions correctly. Chemists perform similar calculations in the labo¬ 

ratory when the product from a chemical reaction is less than expected, 

based on the balanced chemical equation. 

When an equation is used to calculate the amount of product that will 

form during a reaction, the calculated value represents the theoretical 

yield. The theoretical yield is the maximum amount of product that could 

be formed from given amounts of reactants. In contrast, the amount of 

product that actually forms when the reaction is carried out in the labora¬ 

tory is called the actual yield. The percent yield is the ratio of the actual 

yield to the theoretical yield expressed as a percent. 

Percent yield 
actual yield 

theoretical yield 
x 100% 
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Figure 12.12 A batting average 

is actually a percent yield. 

Because the actual yield of a chemical reaction is often less than the 

theoretical yield, the percent yield is often less than 100%. The percent 

yield is a measure of the efficiency of a reaction carried out in the laboratory. 

This is similar to an exam score measuring your efficiency of learning, or a 

batting average measuring your efficiency of hitting a baseball. 

A percent yield should not normally be larger than 100%. Many factors 

cause percent yields to be less than 100%. Reactions do not always go to 

completion; when this occurs, less than the calculated amount of product 

is formed. Impure reactants and competing side reactions may cause 

unwanted products to form. Actual yield can also be lower than the theo¬ 

retical yield due to a loss of product during filtration or in transferring 

between containers. Moreover, if reactants or products have not been care¬ 

fully measured, a percent yield of 100% is unlikely. 

An actual yield is an experimental value. Figure 12.13 shows a typical 

laboratory procedure for determining the actual yield of a product of a 

decomposition reaction. For reactions in which percent yields have been 

determined, you can calculate and therefore predict an actual yield if the 

reaction conditions remain the same. 

(^Checkpoint) What factors can cause the actual yield to be less than the 

theoretical yield? 

Figure 12.13 Sodium hydrogen 

carbonate (NaHC03) will 

decompose when heated. © The 

mass of NaHCOj, the reactant, is 

measured. © The reactant is 

heated. © The mass of one of 

the products, sodium carbonate 

(Na2C03), the actual yield, is 

measured. The percent yield is 

calculated once the actual yield is 

determined. Predicting What 

are the other products of this 
reaction? 
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Math Handbook 

For help with dimensional 

analysis, go to page R66. 

icthre 
Textbook 

Problem-Solving 12.29 Solve 

Problem 29 with the help of an 

interactive guided tutorial. 

-with ChemASAP 

SAMPLE PROBLEM 12.9 

Calculating the Theoretical Yield of a Reaction 

Calcium carbonate, which is found in seashells, is decomposed by 

heating. The balanced equation for this reaction is: 

CaC03(s) —^ CaO(s) + C02(g) 

What is the theoretical yield of CaO if 24.8 g CaC03 is heated? 

Analyze List the knowns and the unknown. 

Knowns 
• mass of calcium carbonate = 24.8 g CaC03 

• 1 mol CaC03 = 100.1 g CaC03 (molar mass) 

• 1 mol CaO = 56.1 g CaO (molar mass) 

Unknown 
• theoretical yield of calcium oxide = ? g CaO 

Calculate the theoretical yield using the mass of the reactant: 

mol CaC03 mol CaO-> g CaO g CaC03 ■ 

The appropriate mole ratio is 1 mol CaO/1 mol CaC03. 

Calculate Solve for the unknown. 

24.8 gDaCO^ X 10o.i g-GaCO^ 
lmoTGaCCF, v 1 mohOaO w 56.1 gCaO 

1 mohGaO 
X 

1 moTGaCCF, 
x 

= 13.9 g CaO 

Evaluate Does the result make sense? 

The mole ratio of CaO to CaC03 is 1:1. The ratio of their masses in the 

reaction should be the same as the ratio of their molar masses, which 

is slightly greater than 1:2. The result of the calculations shows that the 

mass of CaO is slightly greater than half the mass of CaC03. 

Practice Problems 

29. When 84.8 g of iron(III) 

oxide reacts with an excess 

of carbon monoxide, iron is 

produced. 

Fe203(s) + 3CO(g)-» 

2Fe(s) + 3C02(g) 

What is the theoretical yield 

of iron? 

30. When 5.00 g of copper reacts 

with excess silver nitrate, sil¬ 

ver metal and copper(II) 

nitrate are produced. What is 

the theoretical yield of silver 

in this reaction? 

Recall that the percent yield is calculated by multiplying the ratio of the 

actual yield to theoretical yield by 100%. Therefore, you must have values 

of both the theoretical yield and the actual yield to calculate the percent 

yield. 
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SAMPLE PROBLEM 12.10 

Calculating the Percent Yield of a Reaction 

What is the percent yield if 13.1 g CaO is actually produced when 24.8 g 

CaC03 is heated? 

CaC03(s) -> CaO(s) + C02(g) 

O Analyze List the knowns and the unknown. 

Knowns 

• actual yield = 13.1 g CaO 

• theoretical yield = 13.9 g CaO (from Sample Problem 12.9) 

. , , actual yield 
• percent yield = tt-n—;—r-rr x 100% 

K J theoretical yield 

Unknown 

• percent yield = ? % 

M Calculate Solve for the unknown. 

. , , 13.1 g-Gaf5 
percent yield = jg q ggaQ X 1^0% = 94.2% 

lO Evaluate Does the result make sense? 

In this example, the actual yield is slightly less than theoretical yield. 

Therefore, the percent yield should be slightly less than 100%. The 

answer should have three significant figures. 

Practice Problems 

31. If 50.0 g of silicon dioxide is 

heated with an excess of car¬ 

bon, 27.9 g of silicon carbide 

is produced. 

Si02(s) + 3C(s)-> 

32. If 15.0 g of nitrogen reacts 

with 15.0 g of hydrogen, 10.5 g 

of ammonia is produced. 

What is the percent yield of 

this reaction? 

SiC(s) + 2CO(g) 

What is the percent yield of 

this reaction? 

Math ^Handbook 

For help with percents, go 

to page R72. 

Textbook 
Problem-Solving 12.31 Solve 

Problem 31 with the help of an 

interactive guided tutorial. 

__with ChemASAP 

12.3 Section Assessment 

33. Key Concept In a chemical reaction, how 

does an insufficient quantity of a reactant affect 

the amount of product formed? 

34. Key Concept How can you gauge the effi¬ 

ciency of a reaction carried out in the laboratory? 

35. What is the percent yield if 4.65 g of copper is 

produced when 1.87 g of aluminum reacts with an 

excess of copper(II) sulfate? 

2Al(s) + 3CuS04(a<7)-> Al2(S04)3(ag) + 3Cu(s) 

Handbook 

Haber Process Read about ammonia on page R26. 

Examine the flow chart summarizing the Haber process. 

What experimental data would you need to determine 

the percent yield of the Haber process? 

Q 

^"Textbook 

Assessment 12.3 Test yourself 

on the concepts in Section 12.3. 

«... -.. with ChemASAP 
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Technology & Society 

Just the Right Volume of Gas 

In a front-end collision, proper inflation of an air bag may 

save your life. Engineers use stoichiometry to determine 

the exact quantity of each reactant in the air bag's inflation 

system. Interpreting Diagrams What is the source of the 

gas that fills an air bag? 

Car Facts 

17.1 million cars and light trucks were sold 

in 2002 in the United States. 

Monaco has the highest number of vehicles 
in relation to its road network. In 1996 

(most recent figures), it had 480 vehicles for 

each kilometer of road. If they were required 

to park behind one another on the streets, 

half would have nowhere to park! 

At night, headlights illuminate 160 ft in front 

of your car. If you are driving 40 mi/h at 

night,your reaction distance is 88 ft and 

your braking distance is 101 ft. Is your 

stopping distance less than or greater 

than 160 ft? 

Reaction Braking _ Stopping 
distance distance - distance 
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Technology and Society 377 

Igniter 

Small holes in the bag 

allow nitrogen gas to 

escape, causing the bag to deflate. 

Airbag folded into 

steering wheel 

Ignition unit 

Igniter 

DA collision triggers crash 

sensors, which send a signal 

to an igniter. 

The igniter triggers a series 

of chemical reactions that 

release a large volume of nitrogen 

gas, which fills the air bag. Within 

0.05 seconds of the collision the 

air bag is fully inflated. 

Sodium azide pellets 
decomposing 

2NaN3(s) —* 2Na(s) + 3N2(g) 

Electrical signal 
from crash sensor 

Steering wheel 

Deflated airbag 

Steering 

wheel 

Sodium azide 

pellets 

Steering wheel 



Study Guide 

12.1 The Arithmetic of Equations 
• A balanced chemical equation provides the 

same kind of quantitative information that a 
recipe does. 

• In a typical stoichiometric problem, the 
given quantity is first converted to moles. 
Then the mole ratio from the balanced equa- 

• Chemists use balanced chemical equations 
as a basis to calculate how much reactant is 

tion is used to calculate the moles of the 
wanted substance. Finally, the moles are 
converted to any other unit of measurement 
related to the unit mole. 

needed or product is formed in a reaction. 

• A balanced chemical equation can be inter- ^ i2.3 Limiting Reagent and Percent Yield 
preted in terms of different quantities, 
including numbers of atoms, molecules, or 
moles; mass; and volume. 

• In a chemical reaction, art insufficient quan 
tity of any of the reactants will limit the 
amount of product that forms. 

• Mass and atoms are conserved in every 
chemical reaction. 

• The percent yield is a measure of the 
efficiency of a reaction performed in the 
laboratory. 

(^ 12.2 Chemical Calculations 
• In chemical calculations, mole ratios are 

used to convert between moles of reactant 
and moles of product, between moles of 
reactants, or between moles of products. 

• actual yield (p. 372) • limiting reagent (p. 369) • stoichiometry (p. 354) 

• excess reagent (p. 369) • mole ratio (p. 359) • theoretical yield (p. 372) 

• percent yield (p. 372) 

• mole-mole relationship for aG-> bW: 
percent yield 

actual yield 
X 100% 

theoretical yield 
x mol G X 

Use these terms to construct a con¬ 
cept map that organizes the major 
ideas of this chapter. 

^ jfeKemetEve 
^ Textisook 
Concept Map 12 Solve the 
Concept Map with the help of 
an interactive guided tutorial. 

excess reagent 

with ChemASAP 
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CHAPTER 

12 Assessment 

Reviewing Content 

12.1 The Arithmetic of Equations 

36. Interpret each chemical equation in terms of 

interacting particles. 

a. 2KC103(s) --* 2KCl(s) + 302(g) 

b. 4NH3(g) + 6NO(g)-* 5N2(g) + 6H20(g) 

c. 4K(s) + 02(g)-> 2K20(5) 

37. Interpret each equation in Problem 36 in terms 

of interacting numbers of moles of reactants and 

products. 

38. Calculate and compare the mass of the reactants 

with the mass of the products for each equation 

in Problem 36. Show that each balanced equa¬ 

tion obeys the law of conservation of mass. 

12.2 Chemical Calculations 

39. Explain the term mole ratio in your own words. 

When would you use this term? 

40. Carbon disulfide is an important industrial sol¬ 

vent. It is prepared by the reaction of coke with 

sulfur dioxide. 

5C(s) + 2SO2(g)-^ CS2{l) + 4CO(g) 

a. How many moles of CS2 form when 2.7 mol C 

reacts? 

b. How many moles of carbon are needed to 

react with 5.44 mol S02? 

c. How many moles of carbon monoxide form at 

the same time that 0.246 mol CS2 forms? 

d. How many mol S02 are required to make 

118 mol CS2? 

41. Methanol (CH3OH) is used in the production of 

many chemicals. Methanol is made by reacting 

carbon monoxide and hydrogen at high temper¬ 

ature and pressure. 

CO(g) + 2H2(g)-> CH3OH(g) 

a. How many moles of each reactant are needed 

to produce 3.60 X 102 g CH3OH? 

b. Calculate the number of grams of each reac¬ 

tant needed to produce 4.00 mol CH3OH. 

c. How many grams of hydrogen are necessary to 

react with 2.85 mol CO? 

42. The reaction of fluorine with ammonia produces 

dinitrogen tetrafluoride and hydrogen fluoride. 

5F2(g) + 2NH3(g)-> N2F4(g) + 6HF(g) 

a. If you have 66.6 g NH3, how many grams of F2 

are required for complete reaction? 

b. How many grams of NH3 are required to pro¬ 

duce 4.65 g HF? 

c. How many grams of N2F4 can be produced 

from 225 g F2? 

43. What information about a chemical reaction is 

derived from the coefficients in a balanced 

equation? 

44. Fithium nitride reacts with water to form 

ammonia and aqueous lithium hydroxide. 

Li3N(s) + 3H20(/)-» NH3(g) + 3UOU{aq) 

a. What mass of water is needed to react with 

32.9 g Fi3N? 

b. When the above reaction takes place, how 

many molecules of NH3 are produced? 

c. Calculate the number of grams of Fi3N that 

must be added to an excess of water to pro¬ 

duce 15.0 F NH3 (at STP). 

12.3 Limiting Reagent and Percent Yield 

45. What is the significance of the limiting reagent 

in a reaction? What happens to the amount of 

any reagent that is present in an excess? 

46. How would you identify a limiting reagent in a 

chemical reaction? 

47. In a reaction chamber, 3.0 mol of aluminum is 

mixed with 5.3 mol Cl2 and reacts. The reaction 

is described by the following balanced chemical 

equation. 

2A1 + 3C12-> 2A1C13 

a. Identify the limiting reagent for the reaction. 

b. Calculate the number of moles of product 

formed. 

c. Calculate the number of moles of excess 

reagent remaining after the reaction. 

48. Heating an ore of antimony (Sb2S3) in the pres¬ 

ence of iron gives the element antimony and 

iron(II) sulfide. 

Sb2S3(s) + 3Fe(s)-> 2Sb(s) + 3FeS(s) 

When 15.0 g Sb2S3 reacts with an excess of Fe, 

9.84 g Sb is produced. What is the percent yield 

of this reaction? 
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Assessment continued 

Understanding Concepts 

49. Calcium carbonate reacts with phosphoric acid 

to produce calcium phosphate, carbon dioxide, 

and water. 

3CaC03(s) + 2H3PO A{aq)-> 

Ca3(P04)2(a^) + 3C02(g) + 3H20(Z) 

a. How many grams of phosphoric acid react 

with excess calcium carbonate to produce 

3-74 g Ca3(P04)2? 

b. Calculate the number of grams of C02 formed 

when 0.773 g H20 is produced. 

50. Nitric acid and zinc react to form zinc nitrate, 

ammonium nitrate, and water. 

4Zn(s) + 10IINO3(ag)-> 

4Zn(N03)2(a<7) + NH4N03(ar/) + 3H20(Z) 

a. How many atoms of zinc react with 1.49 g HN03? 

b. Calculate the number of grams of zinc that 

must react with an excess of HN03 to form 

29.1 gNH4N03. 

51. Hydrazine (N2PI4) is used as rocket fuel. It reacts 

with oxygen to form nitrogen and water. 

N2H4(/) + 02(g)-> N2(g) + 2H20(g) 

a. How many liters of N2 (at STP) form when 

1.0 kg N2H4 reacts with 1.0 kg 02? 

b. How many grams of the excess reagent 

remain after the reaction? 

52. When 50.0 g of silicon dioxide is heated with an 

excess of carbon, 32.2 g of silicon carbide is 

produced. 

Si02(s) + 3C(s)-> SiC(s) + 2CO(g) 

a. What is the percent yield of this reaction? 

b. How many grams of CO gas are made? 

53. If the reaction below proceeds with a 96.8% yield, 

how many kilograms of CaS04 are formed when 

5.24 kg S02 reacts with an excess of CaC03 and 02? 

2CaC03(s) + 2S02(g) + 02(g)->- 

2CaS04(s) + 2C02(g) 

54. Ammonium nitrate will decompose explosively 

at high temperatures to form nitrogen, oxygen, 

and water vapor. 

2NH4N03(s)->2N2(g) + 4H20(g) + 02(g) 

What is the total number of liters of gas formed 

when 228 g NH4N03 is decomposed? (Assume STP) 

55. In an experiment, varying masses of sodium 

metal are reacted with a fixed initial mass of 

chlorine gas. The amounts of sodium used and 

the amounts of sodium chloride formed are 

shown on the following graph. 

NaCIProduced by 

Reacting Sodium With Chlorine 

Mass of Na (g) 

a. Explain the general shape of the graph. 

b. Estimate the amount of chlorine gas used in 

this experiment at the point where the curve 

becomes horizontal. 

56. The manufacture of compound F requires five 

separate chemical reactions. The initial reactant, 

compound A, is converted to compound B, com¬ 

pound B is converted to compound C, and so 

forth. The diagram below summarizes the step¬ 

wise manufacture of compound F, including the 

percent yield for each step. Provide the missing 

quantities or missing percent yields. Assume that 

the reactant and product in each step react in a 

one-to-one mole ratio. 
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Critical Thinking Concept Challenge 

57. Given a certain quantity of reactant, you calcu¬ 

late that a particular reaction should produce 

55 g of a product. When you perform the reac¬ 

tion, you find that you have produced 63 g of 

product. What is your percent yield? What could 

have caused a percent yield greater than 100%? 

58. Would the law of conservation of mass hold in a 

net ionic equation? Explain. 

59. A bicycle-built-for-three has a frame, two 

wheels, six pedals, and three seats. The balanced 

equation for this bicycle is 

F + 2W + 6P + 3S-> FW2P6S3 

How many of each part are needed to make 29 

bicycles-built-for-three? 

a. frames b. wheels 

c. pedals d. seats 

60. A car gets 9.2 kilometers to a liter of gasoline. 

Assuming that gasoline is 100% octane (C8H18), 

which has a density of 0.69 g/cm3, how many 

liters of air (21% oxygen by volume at STP) will be 

required to burn the gasoline for a 1250-km trip? 

Assume complete combustion. 

61. Ethyl alcohol (C2H5OH) can be produced by the 

fermentation of glucose (C6H1206). If it takes 

5.0 h to produce 8.0 kg of alcohol, how many 

days will it take to consume 1.0 X 103 kg of 

glucose? (An enzyme is used as a catalyst.) 

C6Hl206 enzyme > 2C2H5OH + 2C02 

62. A 1004.0-g sample of CaC03 that is 95.0% pure 

gives 225 L C02 at STP when reacted with an 

excess of hydrochloric acid. 

CaC03 + 2HC1-> CaCl2 + C02 + H20 

What is the density (in g/L) of the C02? 

63. The white limestone cliffs of Dover, England, 

contain a large percentage of calcium carbonate 

(CaC03). A sample of limestone with a mass of 

84.4 g reacts with an excess of hydrochloric acid 

to form calcium chloride. 

CaC03 + 2HC1-> CaC03 + CaCl2 + H20 + C02 

The mass of calcium chloride formed is 81.8 g. 

What is the percentage of calcium carbonate in 

the limestone? 

64. For the reaction below there is a 100.0 g of each 

reactant available. Which reagent is the limiting 

reagent? 

2MnOz + 4KOH + 02 + Cl2-> 

2KMn04 + 2KC1 + 2H,0 

65. The equation for one of the reactions in the 

process of reducing iron ore to the metal is 

Fe203(s) + 3 CO(g)-* 2 Fe(s) + 3 C02(g) 

a. What is the maximum mass of iron, in grams, 

that can be obtained from 454 g (1.00 lb) of 

iron (III) oxide? 

b. What mass of CO is required to reduce the 

iron(III) oxide to iron metal? 

66. S03 can be produced in the following two-step 

process: 

FeS2 + 02-> Fe203 + S02 

S02 + 02-^ so3 

Assuming that all the FeS2 reacts, how many 

grams of S03 are produced when 20.0 g of the 

FeS2 reacts with 16.0 g of 02? 
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n CHAPTER 

12 Assessment continued 

Cumulative Review 

67. How many electrons, protons, and neutrons are 

in an atom of each isotope? (Chapter 4) 

a. titanium-47 

b. tin-120 

c. oxygen-18 

d. magnesium-26 

68. When comparing ultraviolet and visible electro¬ 

magnetic radiation, which has (Chapter 5) 

a. a higher frequency 

b. a higher energy 

c. a shorter wavelength 

69. Identify the larger atom of each pair. (Chapter 6) 

a. sodium and chlorine 

b. arsenic and nitrogen 

c. fluorine and cesium 

70. Write electron dot formulas for the following 

atoms. (Chapter 7) 

a. Cs 

b. Br 

c. Ca 

d. P 

71. Which of these elements form ions with a 

2+ charge? (Chapter 7) 

a. potassium 

b. sulfur 

c. barium 

d. magnesium 

72. Distinguish among single, double, and triple 

covalent bonds. (Chapter 8) 

73. Can a compound have both ionic and covalent 

bonds? Explain your answer. (Chapter 8) 

74. How do you distinguish between a cation and an 

anion? (Chapter 9) 

75. Name these ions. (Chapter 9) 

a. P043- 

b. Al3+ 

c. Se2~ 

d. NH4+ 

76. Name each substance. (Chapter 9) 

a. Si02 

b. K2S04 

c. H2C03 

d. MgS 

77. Write the formula for each compound. 

(Chapter 9) 

a. aluminum carbonate 

b. nitrogen dioxide 

c. potassium sulfide 

d. manganese(II) chromate 

e. sodium bromide 

78. What is the mass, in grams, of a molecule of 

benzene (C6H6)? (Chapter 10) 

79. How many grams of beryllium are in 147 g of the 

mineral beryl (Be3Al2Si6018)? (Chapter 10) 

80. What is the molecular formula of oxalic acid, 

molar mass 90 g/mol? Its percent composition is 

26.7% C, 2.2% H, and 71.1% O. (Chapter 10) 

81. How many moles is each of the following? 

(Chapter 10) 

a. 47.8 g KN03 

b. 2.22 L S02 (at STP) 

82. 
c. 2.25 X 1022 molecules PCh 

Write a balanced chemical equation for each 

reaction. [Chapter 11) 

a. When heated, lead(II) nitrate decomposes to 

form lead(II) oxide, nitrogen dioxide, and 

molecular oxygen. 

b. The complete combustion of isopropyl alco¬ 

hol (C3H7OH) produces carbon dioxide and 

water vapor. 

c. When a mixture of aluminum and iron (II) 

oxide is heated, metallic iron and aluminum 

oxide are produced. 

83. Balance each equation. (Chapter 11) 

a. Ba(N03)2(ag) + Na2S04(ag)-» 

BaS04(s) +NaN03(fl<7) 

b. AlCl3[aq) + AgNO3[aq)-> 

AgCl(s) + Al(N03)3(a<7) 

c. H2SOA[aq) + Mg(OH)2(a<7)-> 

MgS04(ag) + H20(Z) 

84. Write a net ionic equation for each reaction in 

Problem 83. (Chapter 11) 

85. Identify the spectator ions in each reaction in 

Problem 83. (Chapter 11) 

86. Write a balanced chemical equation for the com¬ 

plete combustion of ribose, C5H10O5. (Chapter 11) 
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Standardized Test Prep 
Test-Taking Tip 

Anticipate the answer. Use what you know to 

predict what you think the answer should be. Then 

look to see if your answer, or one much like it, is 

given as an option. 

Select the choice that best answers each question or 

completes each statement. 

1. Nitric acid is formed by the reaction of nitrogen 

dioxide with water. 

3N02(g) + H20(Z)->NO(g) + 2HN03(ac7) 

How many moles of water are needed to react 

with 8.4 mol N02? 

a. 2.8 mol 

b. 3.0 mol 

c. 8.4 mol 

d. 25 mol 

2. Phosphorus trifluoride is formed from its ele¬ 

ments. 

P4(s) + 6F2(g)-> 4PF3(g) 

How many grams of fluorine are needed to react 

with 6.20 g of phosphorus? 

a. 2.85 g 

b. 5.70 g 

c. 11.4 g 

d. 37.2 g 

3. Magnesium nitride is formed in the reaction of 

magnesium metal with nitrogen gas. 

3Mg(s) + N2(g)--* Mg3N2(s) 

The reaction of 4.0 mol of nitrogen with 6.0 mol 

of magnesium produces 

a. 2.0 mol of Mg3N2 and 2.0 mol of excess N2. 

b. 4.0 mol of Mg3N2 and 1.0 mol of excess Mg. 

c. 6.0 mol of Mg3N2 and 3.0 mol of excess N2. 

d. no product because the reactants are not in 

the correct mole ratio. 

Questions 4 and 5 involve the reaction between 

diatomic element P and diatomic element Q to form 

the compound P3Q. 

4» JJ 
p 2 q2 p 3q 

4. Write a balanced equation for the reaction 

between element P and element Q. 

5. Based on the atomic windows below, identify the 

limiting reagent. 

Reactants Products 

For each question there are two statements. Decide whether each statement 

is true or false. Then decide whether Statement II is a correct explanation for 

Statement 1. 

Statement I 

6. Every stoichiometry calculation uses a 

balanced equation. 

7. A percent yield is always greater than 0% 

and less than 100%. 

8. The amount of the limiting reagent left 

after a reaction is zero. 

Statement II 

BECAUSE Every chemical reaction obeys the law of 

conservation of mass. 

BECAUSE The actual yield in a reaction is never more 

than the theoretical yield. 

BECAUSE The limiting reagent is completely used up 

in a reaction. 

9. The coefficients in a balanced equation 

represent the relative masses of the reac¬ 

tants and products. 

10. A mole ratio is always written with the 

larger number in the numerator. 

BECAUSE The mass of the reactants must equal the 

mass of the products in a chemical reaction. 

BECAUSE A mole ratio will always be greater than 1. 
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Actiwity 

Observing Gas Pressure 

Materials 

small glass with a smooth, even rim; water; index card 

4. Remove your hand from the index card. 

Think About It 

1. What did you observe when you removed your 

hand? 

2. Measure the volume of water in the glass. How 

many grams of water are in the glass? (Remember 

that 1 mL H20 = 1 g H20.) 

3. What keeps the water inside the glass? 

Procedure Igf 

1. Fill the glass to its rim with water. 

2. Place the index card on top of the glass. 

3. Working over a sink, use one hand to press the 

index card firmly to the top of the glass.Then 

quickly invert the glass, keeping your hand in place 

CAUTION Wipe up any spill immediately. 

INQUIRY 



13.1 The Nature of Gases 

Connecting to Your World You are walking your dog in 

the woods. Suddenly your dog begins to bark 

and run toward what you think is a black cat. 

But before you realize that the "cat" is not a 

cat, the damage is done.The skunk has 

released its spray! Within seconds you 

smell that all-too-familiar foul odor. In this 

section, you will discover some general 

characteristics of gases that help explain 

how odors travel through the air, even on 

a windless day. 

Kinetic Theory and a Model for Gases 
The word kinetic refers to motion. The energy an object has because of its 

motion is called kinetic energy. According to the kinetic theory, all matter 

consists of tiny particles that are in constant motion. The particles in a gas 

are usually molecules or atoms. The kinetic theory as it applies to gases 

includes the following fundamental assumptions about gases. 

Hie particles in a gas are considered to be small, hard spheres with 

an insignificant volume. Within a gas, the particles are relatively far apart 

compared with the distance between particles in a liquid or solid. Between the 

particles, there is empty space. No attractive or repulsive forces exist between 

the particles. The motion of one particle in a gas is independent of the motion 

of all the other particles. 

<T^ The motion of the particles in a gas is rapid, constant, and 

random. As a result, gases fill their containers regardless of the shape 

and volume of the containers. An uncontained gas can spread out into 

space without limit. The particles travel in straight-line paths until they 

collide with another particle, or another object, such as the wall of their 

container. The particles change direction only when they rebound from 

collisions with one another or with other objects. 

Measurements indicate that the average speed of oxygen molecules in air 

at 20°C is an amazing 1700 km/h! At these high speeds, the odor from a hot 

cheese pizza in Washington, D.C., should reach Mexico City in about 

115 minutes. That does not happen, however, because the molecules respon¬ 

sible for the odor are constantly striking molecules in air and rebounding in 

other directions. Their path of uninterrupted travel in a straight line is very 

short. The aimless path the molecules take is called a random walk. 

(^ All collisions between particles in a gas are perfectly elastic. Dur¬ 

ing an elastic collision, kinetic energy is transferred without loss from one 

particle to another, and the total kinetic energy remains constant. The dia¬ 

grams in Figure 13.1 on the next page illustrate the assumptions of kinetic 

theory as applied to gases. 

Guide for Reading 

Key Concepts 
• Whatarethethreeassumptions 

of the kinetic theory as it 
applies to gases? 

• How does kinetic theory 
explain gas pressure? 

• What is the relationship 
between the temperature in 
kelvins and the average kinetic 
energy of particles? 

Vocabulary 

kinetic energy 

kinetic theory 

gas pressure 

vacuum 

atmospheric pressure 

barometer 

pascal (Pa) 

standard atmosphere (atm) 

Reading Strategy 
Relating Text and Visuals 
As you read, look closely at 
Figure 13.3. Explain how this 
illustration helps you understand 
how kinetic energy is distributed 
among the particles of a gas at 
two different temperatures. 

Word Origins 
Kinetic comes from the 

Greek word kinetos, meaning 

"to move." Kinetic energy 

is the energy an object 

has because of its motion. 

Some sculptures are 

kinetic. What characteristic 

do they share? 
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Figure 13.1 Gases share some general characteristics. 

© The rapid, constant motion of particles in a gas causes them to 

collide with one another and with the walls of their container. 

© The particles travel in straight-line paths between collisions. 

© A gas fills all the available space in its container. 

Bromine 

molecule 

Gas Pressure 
A helium-filled balloon maintains its shape because of the pressure of the 

gas within it. Gas pressure results from the force exerted by a gas per unit 

surface area of an object. What causes this force? Moving bodies exert a 

force when they collide with other bodies. Although a single particle in a 

gas is a moving body, the force it exerts is extremely small. Yet it is not hard 

to imagine that simultaneous collisions involving many particles would 

produce a measurable force on an object. Gas pressure is the result 

of simultaneous collisions of billions of rapidly moving particles in a 

gas with an object. If there are no particles, there cannot be collisions. 

Consequently, there is no pressure. An empty space with no particles and 

no pressure is called a vacuum. 

A gas pressure that you are familiar with is that caused by a mixture of 

gases—air. Air exerts pressure on Earth because gravity holds the particles 

in air in Earth’s atmosphere. Atmospheric pressure results from the colli¬ 

sions of atoms and molecules in air with objects. Atmospheric pressure 

decreases as you climb a mountain because the density of Earth’s atmo¬ 

sphere decreases as the elevation increases. 

A barometer is a device that is used to measure 

atmospheric pressure. Figure 13.2 shows an early 

type of mercury barometer. The height of the mer¬ 

cury column in the tube depends on the pressure 

exerted by particles in air colliding with the surface 

of the mercury in the dish. Atmospheric pressure 

depends on weather and on altitude. In fair weather 

at sea level, the atmospheric pressure is sufficient to 

support a mercury column about 760 mm high. 

Figure 13.2 At sea level, air exerts enough 

pressure to support a 760-mm column of 

mercury. On top of Mount Everest, at 9000 m, 

the air exerts only enough pressure to support 

a 253-mm column of mercury. 

Calculating What is the decrease in pressure 

from sea level to the top of Mount Everest? 

-Vacuum ■ 

760 mm Hg 

(barometric 

pressure) 

~r Atmospheric 

pressure 

w 
253 mm Hg 

iiltidii HHtiV nn pj* , 

Sea level On top of Mount Everest 
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The SI unit of pressure is the pascal (Pa). It represents a very small amount 

of pressure. For example, normal atmospheric pressure is about 100,000 Pa, 

that is, 100 kilopascals (kPa). Two older units of pressure are still commonly 

used. These units are millimeters of mercury (mm Hg) and atmospheres. 

One standard atmosphere (atm) is the pressure required to support 760 mm 

of mercury in a mercury barometer at 25°C. The numerical relationship 

among the three units is given below. 

1 atm = 760 mm Hg = 101.3 kPa 

In the case of gases, it is important to be able to relate measured values to 

standards. Recall that the standard temperature and pressure (STP) are 

defined as a temperature of 0°C and a pressure of 101.3 kPa, or 1 atm. 

SAMPLE PROBLEM 13.1 

Converting Between Units of Pressure 

A pressure gauge records a pressure of 450 kPa. What is this measure¬ 

ment expressed in atmospheres and millimeters of mercury? 

Analyze List the knowns and the unknowns. 

Knowns Unknowns 

• pressure = 450 kPa • pressure = ? atm 

• 1 atm = 101.3 kPa • pressure = ? mm Hg 

• 1 atm = 760 mm Hg 

For converting kPa-> atm, the appropriate conversion factor is 

1 atm 

For converting kPa 

101.3 kPa 

-> mm Hg, the appropriate conversion factor is 

760 mm Hg 

101.3 kPa 

Q Calculate Solve for the unknowns. 

1 atm 
450 kPa x 

450 kPa x 

101.3 kPa 

760 mm Hg 

101.3 kPa 

= 4.4 atm 

= 3400 mm Hg = 3.4 X 103 mm Hg 

Evaluate Do the results make sense? 
- 

Because the first conversion factor is much less than 1 and the second 

much greater than 1, it makes sense that the values expressed in atm 

and mm Hg are respectively smaller and larger than the value expressed 

in kPa. 

Practice Problems - ; frit! £ # # # 4t- #: 4 T 

1. What pressure, in kilopascals 2. The pressure at the top of 

and in atmospheres, does a gas Mount Everest is 33.7 kPa. Is 

exert at 385 mm Hg? that pressure greater or less 

than 0.25 atm? 

CHEMath 

Using a Calculator 

After you analyze a sample 

problem, you can use a calcul¬ 

ator to solve for the unknown. 

A calculator provides the four 

basic arithmetic functions of 

addition (+), subtraction (-), 

multiplication (X),and division 

(=). You can also raise to a 

power (x2), take the square 

root (Vx~), and take the loga¬ 

rithm (log). You will need to be 

able to enter measurements 

written in scientific notation. 

On many calculators, you will 

use the EE key or EXP key to 

enter such measurements. 

Handbook 

For help using a calculator, 

go to page R62. 

@ 

Problem-Solving 13.1 Solve 

Problem 1 with the help of an 

interactive guided tutorial. 

-with ChemASAP 
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Kinetic Energy and Temperature 
As a substance is heated, its particles absorb energy, some of which is stored 

within the particles. This stored portion of the energy, or potential energy, 

does not raise the temperature of the substance. The remaining absorbed 

energy speeds up the particles—that is, increases their kinetic energy. This 

increase in kinetic energy results in an increase in temperature. 

Average Kinetic Energy The particles in any collection of atoms or 

molecules at a given temperature have a wide range of kinetic energies. 

Most of the particles have kinetic energies somewhere in the middle of this 

range. Therefore, average kinetic energy is used when discussing the kinetic 

energy of a collection of particles in a substance. At any given temperature 

the particles of all substances, regardless of physical state, have the same 

average kinetic energy. For example, the ions in table salt, the molecules 

in water, and the atoms in helium all have the same average kinetic energy 

at room temperature even though the three substances are in different 

physical states. 

Figure 13.3 shows the distribution of kinetic energies of water mol¬ 

ecules at two different temperatures. The blue curve shows the distribution 

of kinetic energy among the water molecules in cold water. The red curve 

shows the distribution of kinetic energy among the water molecules in hot 

water. In both cases, most of the molecules have intermediate kinetic ener¬ 

gies, which are close to the average value. Notice that at the higher temper¬ 

ature there is a wider range of kinetic energies. 

There is a relationship between the average kinetic energy of the parti¬ 

cles in a substance and the substance’s temperature. An increase in the 

average kinetic energy of the particles causes the temperature of a sub¬ 

stance to rise. As a substance cools, the particles tend to move more slowly, 

and their average kinetic energy declines. 

Figure 13.3 The red and blue 

curves show the kinetic energy 
distributions of a typical 
collection of molecules at two 

different temperatures. 

INTERPRETING GRAPHS 

a. Inferring Which point 
on each curve represents the 
average kinetic energy? 

b. Analyzing Data 
Compare the shapes of the 
curves for cold water and 
hot water. 

c. Predicting What would 
happen to the shape of the 

curve if the water temperature 
were even higher? Even lower? 

Distribution of Molecular Kinetic Energy 
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You could reasonably expect the particles of all substances to stop mov¬ 

ing at some very low temperature. The particles would have no kinetic energy 

at that temperature because they would have no motion. Absolute zero (0 K, 

or -273.15°C) is the temperature at which the motion of particles theoreti¬ 

cally ceases. There is no temperature lower than absolute zero. Absolute zero 

has never been produced in the laboratory. However, near-zero tempera¬ 

tures of about 0.0000000005 K (0.5 X 1CT3 4 5 6 7 * 9 K), which is 0.5 nanokelvin, have 

been achieved in the vacuum chamber shown in Figure 13.4. 

Average Kinetic Energy and Kelvin Temperature The Kelvin tem¬ 

perature scale reflects the relationship between temperature and average 

kinetic energy. The Kelvin temperature of a substance is directly pro¬ 

portional to the average kinetic energy of the particles of the substance. 

For example, the particles in helium gas at 200 K have twice the average 

kinetic energy as the particles in helium gas at 100 K. The effects of tempera¬ 

ture on particle motion in liquids and solids are more complex than in gases. 

(^Checkpoint) What happens to the temperature of a substance when the 

average kinetic energy of its particles decreases? 

Figure 13.4 In this vacuum 

chamber, scientists cooled 

sodium vapor to nearly absolute 

zero. To keep the atoms from 

sticking to the walls of the 

chamber, the scientists used 

magnetism and gravity to trap 

the atoms 0.5 cm above the coil 
in the center of the chamber. The 

coil is shown at about two times 

its actual size. 

Textbook 

Animation 14 Observe 
particles in motion and 
discover the connection 
between temperature and 
kinetic energy. 

>_with ChemASAP 

13.1 Section Assessment 

3. Key Concept Briefly describe the assump¬ 

tions of kinetic theory as applied to gases. 

4. Key Concept Use kinetic theory to explain 

what causes gas pressure. 

5. Key Concept How is the Kelvin temperature 

of a substance related to the average kinetic 

energy of its particles? 

6. Convert the following pressures to kilopascals. 

a. 0.95 atm b. 45mmHg 

7. A cylinder of oxygen gas is cooled from 300 K 

(27°C) to 150 K ( - 123°C). By what factor does the 

average kinetic energy of the oxygen molecules in 

the cylinder decrease? 

Writing x Activity 

Describing Motion in a Gas Write a paragraph 

describing the behavior of an oxygen molecule in a 
sealed container of air. Include what happens when 

the molecule collides with another molecule or the 
walls of the container. 

jfeteractive 
Textbook 

Assessment 13.1 Test yourself 
on the concepts in Section 13.1. 

-with ChemASAP 
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13.2 The Nature of Liquids 

Guide for Reading 

Key Concepts 
• What factors determine the 

physical properties of a liquid? 

• What is the relationship 

between evaporation and 

kinetic energy? 

• When can a dynamic equili¬ 

brium exist between a liquid 

and its vapor? 

• Under what conditions does 

boiling occur? 

Vocabulary 
vaporization 

evaporation 

vapor pressure 

boiling point 

normal boiling point 

Reading Strategy 
Using Prior Knowledge Before 

you read, write a definition for the 

term boiling point. After you read 

this section, compare and contrast 

the definition of boiling point in the 

text with your original definition. 

A Model for Liquids 
According to the kinetic theory, both the particles in gases and the particles 

in liquids have kinetic energy. This energy allows the particles in gases and 

liquids to flow past one another, as shown in Figure 13.5. Substances that 

can flow are referred to as fluids. The ability of gases and liquids to flow 

allows them to conform to the shape of their containers. 

There is a key difference between gases and liquids. According to the 

kinetic theory, there are no attractions between the particles in a gas. But 

the particles in a liquid are attracted to each other. These intermolecular 

attractions keep the particles in a liquid close together, which is why 

liquids have a definite volume. The interplay between the disruptive 

motions of particles in a liquid and the attractions among the particles 

determines the physical properties of liquids. 

Intermolecular attractions also reduce the amount of space between 

the particles in a liquid. Thus liquids are much more dense than gases. 

Increasing the pressure on a liquid has hardly any effect on its volume. The 

same is true of solids. For that reason, liquids and solids are known as con¬ 

densed states of matter. 

Figure 13.5 Both liquids and 
gases can flow. The liquid on 
the left is colored water. The 
gas on the right is bromine 
vapor. If a gas is denser than 

air, it can be poured from one 

container into another. These 
pictures were taken in a fume 

hood because bromine is both 
toxic and corrosive. 

Predicting Overtime, what 
will happen to the gas in the 

uncovered beaker? Explain. 

Connecting to Your World j^e «j|auea volcano in Fiawaii is 

the most active volcano in the world. It has been erupting for centuries. 

The hot lava oozes and flows, scorching every¬ 

thing in its path, occasionally overrunning 

nearby houses. When the lava cools, it 

solidifies into rock.The properties of 

liquids are related to intermolecular 

interactions. In this section you will 

learn about some of the properties 

of liquids. 
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Evaporation 
As you probably know from experience, water in an open container like the 

one in Figure 13.6a eventually moves into the air. The conversion of a liquid 

to a gas or vapor is called vaporization. When such a conversion occurs at 

the surface of a liquid that is not boiling, the process is called evaporation. 

Most of the molecules in a liquid don’t have enough kinetic energy to over¬ 

come the attractive forces and escape into the gaseous state. During 

evaporation, only those molecules with a certain minimum kinetic energy 

can escape from the surface of the liquid. Even some of the particles that do 

escape collide with molecules in the air and rebound into the liquid. 

You may have noticed that a liquid evaporates faster when heated. This 

occurs because heating the liquid increases the average kinetic energy of its 

particles. The added energy enables more particles to overcome the attrac¬ 

tive forces keeping them in the liquid state. As evaporation occurs, the par¬ 

ticles with the highest kinetic energy tend to escape first. The particles left 

in the liquid have a lower average kinetic energy than the particles that 

have escaped. The process is similar to removing the fastest runner from a 

race. The remaining runners have a lower average speed. As evaporation 

takes place, the liquid’s temperature decreases. Therefore, evaporation is a 

cooling process. 

You have observed the effects of evaporative cooling on hot days. 

When you perspire, water molecules in your perspiration absorb heat from 

your body and evaporate from your skin’s surface. This evaporation leaves 

the remaining perspiration cooler. The perspiration that remains cools you 

further by absorbing more body heat. 

What happens to the rate of evaporation when a liquid 

is heated? 

Figure 13.6 The process of 

evaporation has a different 
outcome in an open system, such 

as a lake, than in a closed system, 

such as a terrarium. © In an 
open container, molecules that 

evaporate can escape from the 

container. © In a closed con¬ 
tainer, the molecules cannot 
escape. They collect as a vapor 

above the liquid. Some mol¬ 

ecules condense back into 
a liquid. 

Textbook 

Animation 15 
Observe the phenomenon 
of evaporation from 
a molecular perspective. 

_with ChemASAP 
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Vapor Pressure 
The evaporation of a liquid in a closed container differs from evaporation 

in an open container. No particles can escape into the outside air from the 

closed container in Figure f3.6b. When a partially filled container of liquid 

is sealed, some of the particles at the surface of the liquid vaporize. These 

particles collide with the walls of the sealed container and produce a vapor 

pressure. Vapor pressure is a measure of the force exerted by a gas above a 

liquid. Over time, the number of particles entering the vapor increases and 

some of the particles condense and return to the liquid state. The following 

equation summarizes the process. 

Eventually, the number of particles condensing will equal the number 

of particles vaporizing. The vapor pressure will then remain constant. 

In a system at constant vapor pressure, a dynamic equilibrium exists 

between the vapor and the liquid. The system is in equilibrium because 

the rate of evaporation of liquid equals the rate of condensation of vapor. 

At equilibrium, the particles in the system continue to evaporate and 

condense, but there is no net change in the number of particles in the liquid 

or vapor. The sealed terrarium in Figure 13.6b is an example of a closed con¬ 

tainer at equilibrium. The moisture on the inner walls of the terrarium is a 

sign that equilibrium has been established. Particles that once evaporated 

are condensing, but other particles are evaporating to take their place. 

Vapor Pressure and Temperature Change An increase in the tern 

perature of a contained liquid increases the vapor pressure. This happens 

because the particles in the warmed liquid have increased kinetic energy. 

As a result, more of the particles will have the minimum kinetic energy nec¬ 

essary to escape the surface of the liquid. The particles escape the liquid 

and collide with the walls of the container at a greater frequency. Table 13.1 

gives the vapor pressures of some common liquids at various temperatures. 

The vapor pressure data indicates how volatile a given liquid is, or how 

easily it evaporates. Of the three liquids shown, diethyl ether is the most 

volatile and water is the least volatile. 

Vapor Pressure (in kPa) of Three Substances 
at Different Temperatures 

0°C 20°C 40°C 60°C 80°C 100°C 

Water 0.61 2.33 7.37 19.92 47.34 101.33 

Ethanol 1.63 5.85 18.04 47.02 108.34 225.75 

Diethyl ether 24.70 58.96 122.80 230.65 399.11 647.87 

392 Chapter 13 



Vapor Pressure Measurements The vapor pressure of a liquid can be 

determined with a device called a manometer. Figure 13.7 shows how a 

simple manometer works. One end of a U-shaped glass tube containing 

mercury is attached to a container. The other end of the tube is open to the 

surrounding atmosphere. When there is only air in the container, the pres¬ 

sure is the same on both sides of the tube and the mercury level is the same 

in each arm of the tube. When a liquid is added to the container, the pres¬ 

sure in the container increases due to the vapor pressure of the liquid. The 

vapor pressure of the liquid pushes the mercury on the container side of 

the U-tube. The levels of mercury in the U-tube are no longer the same. You 

can determine the vapor pressure in mm of Hg by measuring the difference 

between the two levels of mercury. As the vapor pressure increases, so does 

the difference between the two levels. 

(^Checkpoint) What two physical changes occur in a partially filled, sealed 

container of liquid? 

Boiling Point 
The rate of evaporation of a liquid from an open container increases as the 

liquid is heated. Heating allows a greater number of particles at the liquid’s 

surface to overcome the attractive forces that keep them in the liquid state. 

The remaining particles in the liquid move faster and faster as they absorb 

the added energy. Thus, the average kinetic energy of the particles in the 

liquid increases and the temperature of the liquid increases. When a 

liquid is heated to a temperature at which particles throughout the liquid 

have enough kinetic energy to vaporize, the liquid begins to boil. Bubbles of 

vapor form throughout the liquid, rise to the surface, and escape into the 

air. The temperature at which the vapor pressure of the liquid is just equal 

to the external pressure on the liquid is the boiling point (bp). 

} 12.2 mm Hg 
— or 1.63 kPa 

Ethanol Mercury 

Ethanol at 0°C 

„ * • • 

Figure 13.7 The vapor pressure 

of a contained liquid can be 
measured in a manometer. The 

vapor pressure is equal to the 

difference in height of the 
mercury in the two arms of the 
U-tube. Calculating What is 

the difference in vapor pressure 

between ethanol at 0°C and 
ethanol at20°C? 

Ethanol 

43.9 mm Hg 
or 5.85 kPa 

Mercury 

Ethanol at room 

temperature (20°C) 
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Sea Level Atmospheric pressure at 
the surface of water at 70°C is 
greater than its vapor pressure. 
Bubbles of vapor cannot form in the 
water, and it does not boil. 

Sea Level At the boiling point, 

the vapor pressure is equal to 
atmospheric pressure. Bubbles of 
vapor form in the water, and it boils. 

Atop Mount Everest At higher 
altitudes, the atmospheric pressure 
is lower than it is at sea level. Thus 

the water boils at a lower 
temperature. 

101.3 kPa 

III! ‘I*M 
[#■ 70°C 

* 

f 

101.3 kPa —100°C 

hill 
U**l 

34 kPa 

I 
i 
1 
i 

4MJ 
— 70°C 

* 

I 

II 
t 
i 

Figure 13.8 A liquid boils when 

the vapor pressure of particles 
within the liquid equals the 

atmospheric pressure. The 
boiling point varies with altitude. 

Figure 13.9 On the graph, the 
intersection of a curve with the 

101,3-kPa line indicates the 
boiling point of that substance 
at standard pressure. 

INTERPRETING GRAPHS 

a. Analyzing Data What 
is the boiling point of 

chloroform at 101.3 kPa? 
b. Analyzing Data What is 

the vapor pressure of ethanol 
at 40°C? 

c. Analyzing Data What 

would atmospheric pressure 
need to be for ethanoic acid 
to boil at 80°C? 

Boiling Point and Pressure Changes Because a liquid boils when its 

vapor pressure is equal to the external pressure, liquids don’t always boil at 

the same temperature. Figure 13.8 shows how a change in altitude affects the 

boiling point of water. Because atmospheric pressure is lower at higher alti¬ 

tudes, boiling points decrease at higher altitudes. In Denver, which is 1600 m 

above sea level, the average atmospheric pressure is 85.3 kPa. So water boils 

at about 95°C. In a pressure cooker, the vapor cannot escape and the vapor 

pressure increases. So water boils at a temperature above 100°C and food can 

cook more quickly. 

Look at the vapor pressure versus temperature graph in Figure 13.9. You 

can use the graph to show how the boiling point of a liquid is related to 

vapor pressure. At a lower external pressure, the boiling point decreases. 

The particles in the liquid need less kinetic energy to escape from the liquid. 

At a higher external pressure, the boiling point increases. The particles in 

the liquid need more kinetic energy to escape from the liquid. 

Vapor Pressure and Boiling Point 
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Table 13.2 

The Normal Boiling Points of Several Substances 

Name and formula Boiling Point (°C) 

Carbon disulfide (CS2) 46.0 

Chloroform (CHCI3) 61.7 

Methanol (CH40) 64.7 

Tetrachloromethane (CCI4) 76.8 

Ethanol (C2H60) 78.5 

Water (H20) 100.0 

Boiling is a cooling process similar to evaporation. During boiling, the 

particles with the highest kinetic energy escape first when the liquid is at the 

boiling point. Turning off the source of external heat drops the liquid’s tem¬ 

perature below its boiling point. Supplying more heat allows more particles 

to acquire enough kinetic energy to escape. However, the temperature of 

the boiling liquid never rises above its boiling point. If heat is supplied at a 

greater rate, the liquid only boils faster. The vapor produced is at the same 

temperature as that of the boiling liquid. Although the vapor has the same 

average kinetic energy as the liquid, its potential (or stored energy) is much 

higher. Thus, a burn from steam is more severe than one from an equal 

mass of boiling water at the same temperature. 

Normal Boiling Point Because a liquid can have various boiling points 

depending on pressure, the normal boiling point is defined as the boiling 

point of a liquid at a pressure of 101.3 kPa. For example, the normal boiling 

point of water is 100°C. Table 13.2 lists the normal boiling points of six 

molecular compounds. 

I Textbook 

Animation 16 Relate 
vapor pressure and boiling 
point to intermolecular 
attractive forces. 

__with ChemASAP 

13.2 Section Assessment 

8. Key Concept What factors help determine 

the physical properties of liquids? 

9. <T^ Key Concept In terms of kinetic energy, 

explain how a molecule in a liquid evaporates. 

10. Key Concept A liquid is in a closed container 

and has a constant vapor pressure. What is the 

relationship between the rate of evaporation of 

the liquid and the rate of condensation of the 

vapor in the container? 

11. Key Concept What condition must exist for a 

liquid to boil? 

12. Use Figure 13.9 to determine the boiling point of 

each liquid. 

a. ethanoic acid at 27 kPa 

b. chloroform at 80 kPa 

c. ethanol at 50 kPa 

13. Explain why the boiling point of a liquid varies 

with atmospheric pressure. 

14. Explain how evaporation lowers the tempera¬ 

ture of a liquid. 

Writing Activity 

Contrast Paragraph Look for high-altitude cooking 
directions on packages of cake, brownie, or muffin 

mixes. Contrast them with standard directions. 

Textbook 

Assessment 13.2 Test yourself 
on the concepts in Section 13.2. 

——with ChemASAP 
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The Nature of Solids 13.3 

Gusde for Reading 

Key Concepts 
• How are the structure and 

properties of solids related? 

• What determines the shape 

of a crystal? 

Vocabulary 
melting point 

crystal 

unit cell 

allotropes 

amorphous solid 

glass 

Reading Strategy 
Building Vocabulary After you 

have read the section, give an 

example of a substance that is and 

one that is not an amorphous solid. 

Connecting to Your World |n ^ SCjeritiSts discovered a 

new form of carbon.They called this form of carbon buckminsterfullerene, 

or buckyball for short.The molecules in buckyball are 

hollow spheres.The carbon atoms are arranged so 

that the pattern on the surface of the sphere 

resembles the surface of a soccer ball. In this 

section, you will learn how the arrangement 

of particles in solids determines some general 

properties of solids. 

A Model for Solids 
The general properties of solids reflect the orderly arrangement of 

their particles and the fixed locations of their particles. In most solids, the 

atoms, ions, or molecules are packed tightly together. These solids are 

dense and not easy to compress. Because, the particles in solids tend to 

vibrate about fixed points, solids do not flow. 

When you heat a solid, its particles vibrate more rapidly as their kinetic 

energy increases. The organization of particles within the solid breaks 

down, and eventually the solid melts. The melting point (mp) is the tem¬ 

perature at which a solid changes into a liquid. At this temperature, the dis¬ 

ruptive vibrations of the particles are strong enough to overcome the 

attractions that hold them in fixed positions. The melting and freezing 

points of a substance are at the same temperature. At that temperature, the 

liquid and solid phases are in equilibrium. 

Cl 

Crystal Structure and Unit Cells 
Most solid substances are crystalline. In a crystal the particles are arranged 

in an orderly, repeating, three-dimensional pattern called a crystal lattice. 

Figure 13.10 shows part of the crystal lattice in sodium chloride. The 

shape of a crystal reflects the arrangement of the particles within the solid. 

Figure 13.10 The orderly arrangement of 

sodium and chloride ions within a sodium 
chloride crystal determines the shape of 

the crystal. The closely packed ions 
vibrate about fixed points on the crystal. 
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The type of bonding that exists between particles in crystals determines 

their melting points. In general, ionic solids have high melting points 

because relatively strong forces hold them together. By contrast, molecular 

solids have relatively low melting points. Not all solids melt, however. Wood 

and cane sugar, for example, decompose when heated. 

Crystal Systems A crystal has sides, or faces. The angles at which the 

faces of a crystal intersect are always the same for a given substance and are 

characteristic of that substance. Crystals are classified into seven groups, or 

crystal systems, which have the characteristic shapes shown in Figure 13.11. 

The edges are labeled a, b, and c. The angles are labeled a, (3, and y. The 

seven crystal systems differ in terms of the angles between the faces and in 

the number of edges of equal length on each face. 

Figure 13.11 Crystals are 
classified into seven crystal 

systems. Classifying In which 

of the systems are all three 

angles equal to 90°? 

a = b = c 
a = yS = y = 90° 

Cubic 

a = b c 
a = /3 = y = 90° 

Tetragonal 

a^b/c 
a = f3 = y = 90° 
Orthorhombic 

Gypsum 

a/b^c 
(3 = y = 90° a 

Monoclinic 

Amazonite 

a^b^c 

a /3 y ¥= 90° 

Triclinic 

Tourmaline Calcite 

a - b = c 
a = 16 = y ¥= 90° 

Rhombohedral 

a = b ¥= c 
a = P = 90°, y = 120° 

Hexagonal 
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For: Links on Allotropes 
Visit: www.SciLinks.org 
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Figure 13.12 The unit cell in a 

cubic crystal system may be 
simple cubic, body-centered 

cubic, or face-centered cubic. In 
the space-filling models and line 

drawings, the spheres represent 
atoms or ions. 

The shape of a crystal depends on the arrangement of the particles 

within it. The smallest group of particles within a crystal that retains the 

geometric shape of the crystal is known as a unit cell. A crystal lattice is a 

repeating array of any one of fourteen kinds of unit cells. There are from 

one to four types of unit cells that can be associated with each crystal sys¬ 

tem. Figure 13.12 shows the three kinds of unit cells that can make up a 

cubic crystal system. 

Allotropes Some solid substances can exist in more than one form. A 

good example is the element carbon. Diamond is one crystalline form of 

carbon. It forms when carbon crystallizes under tremendous pressure 

(thousands of atmospheres). A different crystalline form of carbon is 

graphite. The lead in a pencil is not the element lead; it is graphite. In 

graphite, the carbon atoms are packed in sheets rather than in the 

extended three-dimensional array characteristic of diamond. 

In 1985, a third form of carbon was discovered in ordinary soot. This 

form of carbon is called buckminsterfullerene, or buckyball. The 60 carbon 

atoms in molecules of buckyball are bonded together to form a hollow 

sphere, or cage. The atoms are arranged in a pattern of hexagons and pen¬ 

tagons on the surface of the cage, similar to the pattern on the surface of a 

soccer ball. Since 1985, other molecules of carbon with hollow cages have 

been discovered. The one with 70 carbon atoms is shaped like a football. As 

a group, these forms of carbon are called fullerenes. 

The physical properties of diamond, graphite, and fullerenes are quite 

different. Diamond has a high density and is very hard. Graphite has a rela¬ 

tively low density and is soft and slippery. The hollow cages in fullerenes 

give them great strength and rigidity. Diamond, graphite, and buckyballs 

are allotropes of carbon. Allotropes are two or more different molecular 

forms of the same element in the same physical state. Although allotropes 

are composed of atoms of the same element, they have different properties 

because their structures are different. Figure 13.13 compares the structures 

of carbon allotropes. Only a few elements have allotropes. In addition to 

carbon, these include the nonmetals phosphorus, sulfur, and oxygen (02 

and 03), and the metalloids boron and antimony. 

Simple cubic 

In a simple cubic unit cell, the atoms 
or ions are arranged at the corners of 
an imaginary cube. 

Body-centered 

In a body-centered cubic unit cell, the 
atoms or ions are at the corners and 
in the center of an imaginary cube. 

Face-centered 

In a face-centered cubic unit cell, 
there are atoms or ions at the 
corners and in the center of 
each face of the imaginary cube. 
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Diamond Graphite Fullerene 

In diamond, each carbon atom in 

the interior of the diamond is 

strongly bonded to four others. 

The array is rigid and compact. 

In graphite, the carbon atoms are 

linked in widely spaced layers of 

hexagonal (six-sided) arrays. 

In buckminsterfullerene, 60 carbon 

atoms form a hollow sphere. The 

carbons are arranged in pentagons 

and hexagons. 

Non-Crystalline Solids Not all solids are crystalline in form; some solids 

are amorphous. An amorphous solid lacks an ordered internal structure. 

Rubber, plastic, and asphalt are amorphous solids. Their atoms are ran¬ 

domly arranged. Other examples of amorphous solids are glasses. A glass is 

a transparent fusion product of inorganic substances that have cooled to a 

rigid state without crystallizing. Glasses are sometimes called supercooled 

liquids. The irregular internal structures of glasses are intermediate between 

those of a crystalline solid and those of a free-flowing liquid. Glasses do not 

melt at a definite temperature. Instead, they gradually soften when heated. 

This softening with temperature is critical to the glassblower’s art. When a 

crystalline solid is shattered, the fragments tend to have the same surface 

angles as the original solid. By contrast, when an amorphous solid, such as 

glass, is shattered, the fragments have irregular angles and jagged edges. 

Figure 13.13 Diamond, graphite, 
and fullerenes are allotropes of 
carbon. Classifying Based on 

the arrangements of their 
atoms, explain why the proper¬ 

ties of fullerenes are closer to 

those of diamond than of 
graphite? 

What property of glass is important to glassblowers? 

13.3 Section Assessment 

15. Key Concept In general, how are the particles 

arranged in solids? 

16. Key Concept What does the shape of a crystal 

tell you about the structure of a crystal? 

17. How do allotropes of an element differ? 

18. What phases are in equilibrium at a substance’s 

melting point? 

19. How do the melting points of ionic solids gener¬ 

ally compare with those of molecular solids? 

20. What is the difference between a crystal lattice 

and a unit cell? 

Handbook 

Glass Read about optical glass on page R20.What 

are the general physical properties of glass? How 
does optical glass differ from other types of glass? 

What are some uses of optical glass? 

Textbook 

Assessment 13.3 Test yourself 
on the concepts in Section 13.3. 

-with ChemASAP 
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The Behavior of Liquids and Solids 

Purpose 
To explore and explain some behaviors of liquids 

and solids. 

Materials 

• plastic Petri dish 

• water 

• ice 

• rubbing alcohol 

• graph paper, 1-cm 

• calcium chloride 

Procedure fiS O 13 S 
1. In your notebook, make a copy of the table shown 

below. Add a column for your observations. In the 

experiments,you will place substances labeled A and B 

inside the Petri dish and substances labeled C on top of 

the dish. 

Analyze 
Using your experimental data, record the answers to the 

following questions beneath your data table. 

1. Explain your observations in Experiment 1 in terms of 

the behavior of liquids. 

2. For Experiment 1, place one drop of water in the Petri 

dish. Replace the cover and place a small piece of ice on 

top of the cover. 

3. After a few minutes, observe the interior surface of the 

Petri dish cover and the contents of the dish. Record your 

observations. Clean and dry the Petri dish and cover. 

4. Repeat Steps 2 and 3 for Experiments 2-5, using the 

materials listed in the table. For Experiment 4, place the 

Petri dish on the graph paper so that you can place the 

water and the calcium chloride about 3 cm apart. 

Experiment Substance A Substance B Substance C 

1 
drop 

of water 
ice 

cube 

2 
drop 

of water 
drop 

of water 

3 

drop 
of rubbing 

alcohol 

drop 
of water 

4 
drop 

of water 
piece 

of CaCI2 

5 

several 
pieces of 

CaCI2 

ice 
cube 

2. Why is ice not needed for cloud formation in 

Experiment 2? 

3. What differences do you observe about the behavior of 

rubbing alcohol in Experiment 3 and the behavior of 

water in the previous experiments? Explain. 

4. What happens to solid calcium chloride in a humid 

environment? 

5. Propose an explanation for no cloud formation in 

Experiment 5. 

You're The Chemist 
1. Analyze It! Place a drop of water and a drop of rubbing 

alcohol about 3 cm apart in a Petri dish. Cover the dish 

and place it on a piece of graph paper. Be careful not to 

mix the contents. Observe what happens to the size of 

the water drop over time. 

2. Analyze It! Add a drop of bromthymol blue (BTB) to a 

drop of vinegar. What happens? 

3. Design It! Vinegar is a solution of water and ethanoic 

acid, CH3COOFI. Design and carry out an experiment to 

see if ethanoic acid will evaporate from a drop of 

vinegar. Does ethanoic acid evaporate? 

4. Design It! Design and carry out an experiment to see 

if ammonia will evaporate from a drop of aqueous 

ammonia. 
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13.4 Changes of State 

I 

Connecting to Your World c ... .. 
^ Familiar weather events can 

remind you that water exists on Earth as a liquid, a solid, and a vapor. A 

spring shower brings liquid raindrops and a winter blizzard delivers solid 

snowflakes. On a humid summer day, you 

may be uncomfortable because there is 

a high concentration of water vapor in 

the air. As water cycles through the 

atmosphere, the oceans, and Earth's 

crust, it undergoes repeated changes 

of state. In this section, you will learn 

what conditions can control the state of 

a substance. 

Sublimation 
If you hang wet laundry on a clothesline on a very cold day, the water in the 

clothes quickly freezes to ice. Eventually, however, the clothes become dry 

although the ice never thaws. The ice changes directly to water vapor with¬ 

out melting and passing through the liquid state. The change of a sub¬ 

stance from a solid to a vapor without passing through the liquid state is 

called sublimation. Sublimation can occur because solids, like liquids, have 

a vapor pressure. Sublimation occurs in solids with vapor pressures 

that exceed atmospheric pressure at or near room temperature. 

Iodine is another example of a substance that undergoes sublimation. 

This violet-black solid ordinarily changes into a purple vapor without pass¬ 

ing through a liquid state. Notice in Figure 13.14 how dark crystals of iodine 

deposit on the underside of a watch glass placed on top of a beaker con¬ 

taining solid iodine that is being heated. The iodine vapor sublimes from 

iodine crystals in the bottom of the beaker and condenses to form crystals 

on the watch glass. 

Sublimation has many useful applications. If freshly brewed coffee is 

frozen and the water vapor is removed with a vacuum pump, the result is 

freeze-dried coffee. Solid carbon dioxide (dry ice) is often used as a coolant 

for goods, such as ice cream, that must remain frozen during shipment. Dry 

ice has a low temperature of -78°C. Because it sublimes, it does not pro¬ 

duce a liquid as ordinary ice does when it melts. Solid air fresheners contain 

a variety of substances that sublime at room temperature. Sublimation is 

also useful for separating substances. Organic chemists use sublimation to 

separate mixtures and to purify compounds. 

Figure 13.14 When solid iodine is heated, the 

crystals sublime, going directly from the solid to 
the gaseous state. When the vapor cools, it goes 

directly from the gaseous to the solid state. 

Guide for Reading 

Key Concepts 
• When can sublimation occur? 

• How are the conditions at 

which phases are in equilibrium 

represented on a phase 

diagram? 

Vocabulary 

sublimation 

phase diagram 

triple point 

Reading Strategy 
Predicting In your notebook, 

predict what causes ice cubes that 

are left in the freezer for a long 

time to get smaller. 

Gaseous l2 
molecules 

Solid l2 
molecules 
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Sublimation 
Ice 

Purpose 
To observe the sublimation 

of air freshener. 

Materials 

® small pieces of solid air 

freshener 

• small shallow container 

• 2 clear 8 oz plastic cups 

• hot tap water 

• ice 

• 3 thick cardboard strips 

Procedure BBOHSi 
1. Place a few pieces of air freshener in 

one of the cups. CAUTION Work in a 

well-ventilated room. 

2. Bend the cardboard strips and place 

them over the rim of the cup that has 

the air freshener pieces. 

3. Place the second cup inside the first. 

The base of the second cup should not 

touch the air freshener. Adjust the 

cardboard as necessary.This assembly 

is your sublimator. 

4. Fill the top cup with ice. Do not get any 

ice or water in the bottom cup. 

5. Fill the shallow container about one- 

third full with hot tap water. 

6. Carefully place your sublimator in the 

hot water. Observe what happens. 

Shallow 
container 
with hot 
water 

Air freshener 

Analyze and Conclude 
1. Define sublimation. 

2. What do you think would happen ifthe 

water in the shallow container were at 

room temperature? If it were boiling? 

3. Why is it possible to separate the 

substances in some mixtures by 

sublimation? 

© 

^ JfrfieraeKiv® 
^ Textbook 

Simulation 14 Predict the 
physical states present at 
different points on a phase 
diagram. 

■   with ChemASAP 
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Phase Diagrams 
The relationships among the solid, liquid, and vapor states (or phases) of a 

substance in a sealed container can be represented in a single graph. The 

graph is called a phase diagram. A phase diagram gives the conditions of 

temperature and pressure at which a substance exists as solid, liquid, and 

gas (vapor). The conditions of pressure and temperature at which 

two phases exist in equilibrium are indicated on a phase diagram by a line 

separating the phases. 

Figure 13.15 shows the phase diagram for water. In each of the colored 

regions on the phase diagram, water is in a single phase. The curving line 

that separates water’s vapor phase from its liquid phase are the equilibrium 

conditions for liquid and vapor. The line also illustrates how the vapor pres¬ 

sure of water varies with temperature. The other two curving lines give the 

conditions for equilibrium between liquid water and ice and between water 

vapor and ice. The point on the diagram at which all three curves meet is 

called the triple point. The triple point describes the only set of conditions 

at which all three phases can exist in equilibrium with one another. For 

water, the triple point is a temperature of 0.016°C and a pressure of 0.61 kPa 

(0.0060 atm). Figure 13.16 shows water at its triple point. 

By referring to Figure 13.15, you can determine what happens if you melt 

ice or boil water at pressures less than 101.3 kPa. A decrease in pressure low¬ 

ers the boiling point and raises the melting point. An increase in pressure will 

raise the boiling point and lower the melting point. 

(^Checkpoint) What are the variables that are plotted on a phase diagram? 
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Phase Diagram of Water 
Figure 13.15 The phase 

diagram of water shows the 
relationship among pressure, 

temperature, and physical 

states of water. 

INTERPRETING GRAPHS 

a. Analyzing Data At the 

triple point of water, what are 

the values of temperature and 

pressure? 
b. Inferring What states of 

matter are present at the triple 
point of water? 
c. Analyzing Data Assuming 

standard pressure, at what 
temperature is there an 

equilibrium between water 
vapor and liquid water? 

Between liquid water and ice? 

Look at Figure 13.15. Follow the equilibrium line between liquid water 

and water vapor to the triple point. Below the triple point, the vapor and 

liquid cannot exist in equilibrium. Increasing the pressure won’t change 

the vapor to a liquid. The solid and the vapor are in equilibrium at temper¬ 

atures below 0.016°C. With an increase in pressure, the vapor begins to 

behave more like a solid. For example, it is no longer easily compressed. 

Figure 13.15 also illustrates how an increase in pressure affects the melt¬ 

ing point of ice. For years, the accepted hypothesis for how ice skaters move 

along the ice was the following. The blades of the skates exert pressure, which 

lowers the melting point of the ice. The ice melts and a film of water forms 

under the blades of the skates. This film acts as a lubricant, enabling the skat¬ 

ers to glide gracefully over the ice. This hypothesis fails to explain why skiers 

also glide along very nicely on another solid form of water—snow. Wide skis 

exert much less pressure per unit area of snow than narrow skate blades exert 

on ice. Recent research shows that the surface of ice has a slippery, water-like 

surface layer that exists well below ice’s melting point. Even ice that is at 

- 129°C has this layer. A new hypothesis proposes that the liquid-like surface 

layer provides the lubrication needed for smooth skating and skiing. 

Figure 13.16 At the triple point, ice, liquid water, 

and water vapor can exist at equilibrium. Freezing, 
melting, boiling, and condensation can all occur at 

the same time, as shown in the flask. 
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Solid State Chemist 
By now you are familiar with 

chemical reactions in aqueous 

solutions and the gaseous state. 

But did you know that chemical 

reactions can also take place in 

solids, without a liquid or a gas? 

Reactions that take place in the 

solid state are extremely useful. 

These reactions occur during the 

manufacture of semiconductors 

for the electronics industry. The 

device that ignites the gas in a gas 

grill is made of a type of ceramic 

called a piezoelectric. This type of 

ceramic produces a voltage when 

subjected to mechanical pressure. 

There is a class of light-sensitive 

solids called photopolymers. 

These solids are used to make 

plates for printing presses that use 

dry inks instead of water-based 

inks. A solid-state reaction takes 

place in lenses that are designed 

to darken when exposed to light. 

Solid state chemists often study 

crystal structures, superconduc¬ 

tors, and semiconductors. They 

may also study the electrical, 

magnetic, and optical properties 

of solid compounds. 

Solid state chemists often work at 

major universities, teaching and 

doing basic research. Corpora¬ 

tions employ them to do pure 

research or to develop applica¬ 

tions for new discoveries in this 

field. Companies in the petro¬ 

leum, electronic, and computer 

industri es are a few of the places a 

solid state chemist might be 

employed. 

To work in this field usually 

requires an undergraduate or 

graduate degree in chemistry or 

chemical engineering. Courses 

studied include chemistry, 

physics, and mathematics. 

C Go ^Inline 
-PHSchool.com 

For: Careers in Chemistry 
Visit: www.PHSchool.com 
Web Code: cdb-1134 
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J 

13.4 Section Assessment 

21. Key Concept What properties must a solid 

have to undergo sublimation? 

22. Key Concept What do the curved lines on a 

phase diagram represent? 

23. Describe one practical use of sublimation. 

24. What does the triple point on a phase diagram 

describe? 

25. Using Figure 13.15, estimate the boiling point of 

water at a pressure of 50 kPa. 

Connecting Concepts 

Types of Bonding Would you expect a substance 
that sublimates at or near room temperature to be a 

molecular substance or an ionic substance? Use 
what you learned about bonding in Chapters 7 and 8 

to explain your answer. 

9 

Assessment 13.4 Test yourself 
on the concepts in Section 13.4. 

____with ChemASAP 
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Technology & Society 

Thin Films 

A thin film consists of layers of atoms deposited on a 

surface at a uniform depth of 1CT9 m to 10~6 m. Engineers 

can produce thin films with specific electrical properties 

by varying the element deposited and the thickness of 

the deposit. Interpreting Thin films are sometimes 

referred to as super crystals. What does this imply 

about their structure? 

Smart windows Layers of transparent 

thin films, sandwiched between glass, 

change tint when electrically charged. 

The original tint returns when the 

electrical charge is removed. 

Semiconductor microchips Thin 

films of conducting materials, 

insulating materials, and 

semiconducting materials are 

layered and then etched to make 

a chip that contains thousands 

of microcircuits. 

CDs and DVDs The reflective 

surface of CDs are bands of 

thin films that carry digital 

information as notches on 

the surface of the film. DVDs 

increase information storage 

by using two or more 

thin-film layers. 

PDAs The display of a PDA 

contains thousands of liquid 

crystals attached to transparent, 

thin-film transistors (TFT). 

Images are produced as each 

TFT sends a charge to its 

linked liquid crystal. 

Computer monitors Using thin-film transistors and 

a liquid-crystal display, flatscreen monitors provide 

sharp images, save space, and are about 60% more 

efficient than cathode ray monitors. 



Study Guide 

13.1 The Nature of Gases 

• Particles in a gas are considered to be small, 
hard spheres with an insignificant volume. 
The motion of the particles in a gas is rapid, 
constant, and random. All collisions between 
particles in a gas are perfectly elastic. 

• Gas pressure is the result of simultaneous 
collisions of billions of rapidly moving parti¬ 
cles in a gas with an object. 

• The Kelvin temperature of a substance is 
directly proportional to the average kinetic 
energy of the particles of the substance. 

13.2 The Nature of Liquids 

• The interplay between the disruptive 
motions of particles in a liquid and the 
attractions among the particles determines 
the physical properties of liquids. 

• During evaporation, only those molecules 
with a certain minimum kinetic energy can 
escape from the surface. 

• In a system at constant vapor pressure, a 
dynamic equilibrium exists between the 
vapor and the liquid. The rates of evaporation 
and condensation are equal. 

• At a temperature at which particles through¬ 
out a liquid have enough kinetic energy to 
vaporize, the liquid begins to boil. 

<T^ 13.3 The Nature of Solids 

• The general properties of solids and the 
shapes of crystals reflect the orderly arrange¬ 
ment and the fixed locations of particles 
within the solids. 

13.4 Changes of State 

• Sublimation occurs in solids that have vapor 
pressures that exceed atmospheric pressure 
at or near room temperature. 

• Conditions of pressure and temperature at 
which two phases exist in equilibrium are indi¬ 
cated on a phase diagram by a line separating 
the two regions representing the phases. 

Vocabulary 

allotrope (p. 398) 

amorphous solid (p. 399) 

atmospheric pressure (p. 386) 

barometer (p. 386) 

boiling point (p. 393) 

crystal (p. 396) 

evaporation (p. 391) 

• gas pressure (p. 386) 

• glass (p. 399) 

• kinetic energy (p. 385) 

• kinetic theory (p. 385) 

• melting point (p. 396) 

• normal boiling point (p. 395) 

• pascal (Pa) (p. 387) 

• phase diagram (p. 402) 

standard atmosphere (atm) 
(p. 387) 

sublimation (p. 401) 

triple point (p. 402) 

unit cell (p. 398) 

vacuum (p. 386) 

vaporization (p. 391) 

vapor pressure (p. 392) 

Key Equation 

• 1 atm = 760 mm Hg = 101.3 kPa 

Organizing Information 

Use these terms to construct a 
concept map that organizes the 
major ideas of this chapter. 

Textbook 
Concept Map 13 Solve the 
Concept Map with the help of an 
interactive guided tutorial. 

>-with ChemASAP 
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Assessment 

CHAPTER 

13 
Reviewing Content 

13.1 The Nature of Gases 

26. What is meant by an elastic collision? 

27. Which of these statements are characteristic of 

matter in the gaseous state? 

a. Gases fill their containers completely. 

b. Gases exert pressure. 

c. Gases have mass. 

d. The pressure of a gas is independent of 

its temperature. 

e. Gases are compressible. 

f. The distances between particles in a gas are 

relatively large. 

28. List the various units used to measure pressure, 

and identify the SI unit. 

29. Change 1656 kPa to atm. 

30. Convert 190 mm Hg to the following. 

a. kilopascals 

b. atmospheres of pressure 

31. Explain the relationship between the Kelvin tem¬ 

perature of a substance and the kinetic energy of 

its particles. 

32. How is the average kinetic energy of water mol¬ 

ecules affected when you pour hot water from 

a kettle into cups at the same temperature 

as the water? 

33. What does the abbreviation STP represent? 

34. What is significant about the temperature 

absolute zero? 

35. By what factor does the average kinetic energy of 

the molecules of gas in an aerosol container 

increase when the temperature is raised from 

27°C (300 K) to 627°C (900 K)? 

13.2 The Nature of Liquids 

36. Explain why liquids and gases differ in density 

and the ability to be compressed. 

37. Compare the evaporation of a liquid in a closed 

container with that of liquid in an open container. 

38. Describe what is happening at the molecular 

level when a dynamic equilibrium occurs. 

39. Explain why increasing the temperature of a 

liquid increases its rate of evaporation. 

40. Would you expect a dynamic equilibrium in 

a liquid in an open container? Explain your 

answer. 

41. Describe the effect that increasing temperature 

has on the vapor pressure of a liquid. 

42. Distinguish between the boiling point and the 

normal boiling point of a liquid. 

43. Use the graph to answer each question. 

Vapor Pressure vs. Temperature for Water 

Temperature (°C) 

a. What is the vapor pressure of water at 40°C? 

b. At what temperature is the vapor pressure of 

water 600 mm Hg? 

c. What is the significance of the vapor pressure 

of water at 100°C? 

44. Explain how boiling is a cooling process. 

13.3 The Nature of Solids 

45. Name at least one physical property that would 

permit you to distinguish a molecular solid from 

an ionic solid. 

46. Describe what happens when a solid is heated to 

its melting point. 

47. Explain why molecular solids usually have lower 

melting points than ionic solids. 

13.4 Changes of State 

48. When you remove the lid from a food container 

that has been left in a freezer for several months, 

you discover a large collection of ice crystals on the 

underside of the lid. Explain what has happened. 

49. Explain why a liquid stays at a constant temper¬ 

ature while it is boiling. 
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Assessment continued 

Understanding Concepts 

50. What happens to the average kinetic energy of 

the water molecules in your body when you 

have a fever? 

51. Refer to Figure 13.9 to answer these questions 

about chloroform, ethanoic acid, water, and 

ethanol. 

a. What is the normal boiling point of ethanoic 

acid? 

b. Which liquid has the highest vapor pressure at 

40°C? 

c. At standard atmospheric pressure, which 

of the substances are in the gaseous state 

at 70°C? 

d. Water boils at 100°C at standard pressure. 

How would the pressure on ethanol and on 

ethanoic acid have to change for these liquids 

to boil at 100°C? 

52. Describe evaporation, vapor pressure, and 

boiling point. 

53. Why is the equilibrium that exists between a 

liquid and its vapor in a closed container called 

a dynamic equilibrium? 

54. The table gives the vapor pressure of isopropyl 

alcohol at various temperatures. Graph the data. 

Use a smooth curve to connect the data points. 

Temperature (°C) Vapor pressure (kPa) 

0 1.11 

25 6.02 

50 23.9 

75 75.3 

100 198 

125 452 

a. What is the estimated normal boiling point of 

isopropyl alcohol? 

b. What is the boiling point of isopropyl alcohol 

when the external pressure is increased to 

twice standard pressure? 

55. In a series of liquids, as the intermolecular 

forces of attraction strengthen, would you 

expect the vapor pressure to increase or 

decrease? Explain. 

56. Predict the physical state of each of these sub¬ 

stances at the indicated temperature. Use the 

melting point and boiling point data from the 

table below. 

a. phenol at 99°C 

b. ammonia at — 25°C 

c. methanol in an ice-water bath 

d. methanol in a boiling-water bath 

e. ammonia at - 100°C 

f. phenol at 25°C 

Substance Melting Point 
(°C) 

Boiling Point 
(°C) 

ammonia -77.7 -33.4 

methanol -97.7 64.7 

water 0 100 

phenol 40.9 181.9 

57. Mount McKinley in Alaska is the tallest peak in 

North America at 6194 m. The atmospheric pres¬ 

sure at its peak is 44 kPa. Use Figure 13.9 to find 

the boiling point of water at the peak of Mount 

McKinley. 

58. What causes atmospheric pressure, and why is it 

much lower on the top of a mountain than it is at 

sea level? 

59. Pouring liquid nitrogen onto a balloon decreases 

the volume of the balloon dramatically, as shown 

in the photograph on the left. In time, the 

balloon reinflates as shown in the photograph on 

the right. Use kinetic theory to explain this 

sequence of events. The temperature of liquid 

nitrogen is — 196°C. 
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Critical Thinking Concept Challenge 

60. What role does atmospheric pressure play when 

someone is drinking a liquid through a straw? 

61. Your lab partner measures the boiling point of 

water in an open beaker as 108.2°C. Even though 

you know that water can be made to boil at this 

temperature, you ask your partner to repeat the 

measurement. Explain. 

62. What everyday evidence suggests that all matter 

is in constant motion? 

63. Is the average kinetic energy of the particles in a 

block of ice at 0°C the same as or different from 

the average kinetic energy of the particles in a 

gas-filled weather balloon at 0°C? Explain. 

64. Are perfectly elastic collisions possible between 

objects that are large enough for you to see? 

65. Elow does perspiration help cool your body on a 

hot day? 

66. Why do different liquids have different normal 

boiling points? 

67. There is a liquid-vapor equilibrium in a con¬ 

tainer. Explain why the vapor pressure in the 

container is not affected when the volume of the 

container is changed. 

68. A teacher wants to demonstrate that unheated 

water can boil at room temperature in a beaker 

within a bell jar connected to a vacuum pump. 

However, the vacuum pump is faulty and can 

reduce pressures only to 15 kPa. Can the teacher 

use this pump to perform the demonstration 

successfully? Explain your answer. 

69. You have two similar sealed jars of water at the 

same temperature. In the first jar, there is a large 

amount of water. In the second jar, there is a 

small amount of water. Explain how the vapor 

pressure can be the same in both jars even 

though many more water molecules are evapo¬ 

rating in the first jar. 

70. Why are pressure cookers recommended for 

cooking at high-altitude? 

71. A mixture of gases contains oxygen, nitrogen, and 

water vapor. What physical process could you use 

to remove the water vapor from the sample? 

72. The ions in sodium chloride are arranged in a 

face-centered cubic pattern. Sketch a layer of 

the ions in a crystal of sodium chloride. 

73. Using Figure 13.11, identify the crystal system 

described by these characteristics. 

a. three unequal edges meet at right angles 

b. three equal edges with three equal angles that 

are not right angles 

c. two equal edges and one unequal edge meet 

at right angles 

d. three unequal edges do not meet at right 

angles 

e. three equal edges meet at right angles 

74. Use this drawing to answer the questions. 

a. What type of unit cell is in a lattice of cesium 

chloride? 

b. What is the coordination number of Cs+? 

c. Based on the diagram, what is the formula of 

cesium chloride? Explain your answer. 

75. Relative humidity is defined by the following 

equation 

(3.1 
Relative humidity = x 100% 

where (a) is the pressure of water vapor in the air 

and (b) is the equilibrium vapor pressure of 

water in air at the same temperature. Can the 

relative humidity ever exceed 100%? Explain. 

76. The solid-liquid equilibrium line in the phase 

diagram of a given substance slants to the right. 

How is the substance’s freezing point affected by 

increased pressure? 
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Assessment continued 

Cumulative Review 

77. How are the frequency and wavelength of light 

waves related? [Chapter 5) 

78. Which atom in each pair has the larger atomic 

radius? (Chapter 6) 

a. O and S b. K and Br 

79. Write the complete electron configuration of 

each ion. (Chapter 7) 

a. Ca2+ b. S2“ c. Li+ 

80. How many unshared pairs of electrons are in 

each molecule? (Chapter 8) 

a. H20 b. CO 

81. List the intermolecular attractions between 

molecules in order of increasing strength. 

[Chapter 8) 

a. dispersion forces 

b. hydrogen bonds 

c. dipole interactions 

82. Write a correct formula for each compound. 

[Chapter 9) 

a. copper(I) sulfite b. nitrous acid 

83. Identify the binary molecular compound in 

each pair of substances. [Chapter 9) 

a. NaCl or CO b. PBr3 or LiOH 

84. Write formulas for these ions. [Chapter 9) 

a. iron(III) b. cadmium 

85. Calculate the percent by mass of the metal in 

each compound. [Chapter 10) 

a. Fe2S3 b. Al(OH)3 

86. How many moles are there in each sample? 

[Chapter 10) 

a. 888 g of sulfur dioxide 

b. 2.84 X 1022 molecules of ammonia 

87. Perchloric acid forms by the reaction of water 

with dichlorine heptoxide. [Chapter 10) 

C1207 + H20-» 2HC104 

a. How many grams of C1207 react with an excess 

of H20 to form 56.2 g of HC104? 

b. How many mL of water are needed to form 

3.40 mol HC104? 

88. How many moles are there in each sample? 

[Chapter 10) 

a. 8.6 L C02 (at STP) b. 63.4 g NH3 

89. When hydrogen sulfide gas is bubbled into 

a solution of cadmium nitrate in water, 

the products are nitric acid and a precipitate 

of cadmium sulfide. Write a balanced equation 

for the reaction. Include physical states for all 

reactants and products. (Hydrogen sulfide gas 

is soluble in water.) [Chapter 11) 

90. Balance these equations. [Chapter 11) 

a. V205 + H2-^ V203 + H20 

b. (NH4)2Cr207 ——> Cr203 + N2 + HzO 

91. List the metal that ranks higher in the activity 

series of metals. [Chapter 11) 

a. magnesium or mercury 

b. potassium or lithium 

92. Classify each reaction as a combination, 

decomposition, single-replacement, double¬ 

replacement, or combustion. [Chapter 11) 

a. 2Li(s) + Br2(Z)-> 2LiBr(s) 

b. 2C2H6(g) + 702(g)-> 4C02(g) + 6H20(g) 

93. The complete decomposition of sucrose (table 

sugar) caused by strong heating may be repre¬ 

sented by this equation. [Chapter 12) 

Ci2H22Ou(s)-■> 11H20(Z) + 12C(s) 

For the decomposition of 1.00 mol of sucrose: 

a. How many grams of H20 are produced? 

b. What is the total number of moles of prod¬ 

ucts produced? 

c. How many grams of C are produced? 

94. Hydrogen reacts with ethene (C2H4) to form 

ethane (C2H6). [Chapter 12) 

C2H4 + H2 > C2H6 

What is the limiting reagent when 40.0 g C2H4 

reacts with 3.0 g H2? 

95. Iron(II) sulfide is produced when iron is heated 

with sulfur. [Chapter 12) 

Fe(s) + S(s) —FeS(s) 

What is the theoretical yield of FeS if 25.0 g Fe is 

heated with 32.0 g S? 

96. What is the percent yield in Question 95 if 

16.5 g of FeS is produced? [Chapter 12) 
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Standardized Test Prep 

Test-Taking Tip 

Interpreting Graphs A line graph helps you see 

the relationship between two variables. Before you 

answer a question about a graph, identify the vari¬ 

ables and the general relationship between the 

variables based on the shape of the curve. 

Use the graph to answer Questions 1 and 2. 

Vapor Pressure Graph of Three Substances 

1. What is the normal boiling point of ethanol? 

2. Can chloroform be heated to 90°C in an 

open container? 

3. Which sequence has the states of CH3OH 

correctly ordered in terms of increasing 

average kinetic energy? 

a. CH3OH(s), CH3OH(g), CH3OH(Z) 

b. CH3OH(g), CH3OH(Z), CH3OH(s) 

c. CH3OH(Z), CH3OH(g), CH3OH(s) 

d. CH3OH(s), CH3OH(Z), CH3OH(g) 

Use the drawing to answer Questions 4-6. The same 

liquid is in each flask. 

4. In which flask is the vapor pressure lower? Give a 

reason for your answer. 

5. In which flask is the liquid at the higher temper¬ 

ature? Explain your answer. 

6. How can the vapor pressure in each flask be 

determined? 

For each question there are two statements. Decide whether each statement is true 

or false. Then decide whether Statement II is a correct explanation for Statement I. 

Statement I 

7. In an open container, the rate of evapora¬ 

tion of a liquid always equals the rate 

of condensation. 

BECAUSE 

Statement II 

A dynamic equilibrium exists between 

the liquid and its vapor in an open 

container. 

8. Water boils at a temperature below 100°C 

on top of a mountain. 

BECAUSE Atmospheric pressure decreases with an 

increase in altitude. 

9. The temperature of a substance always 

increases as heat is added to the 

substance. 

BECAUSE The average kinetic energy of the particles 

in a substance increase with an increase 

in temperature. 

10. Solids have a fixed volume. BECAUSE Particles in a solid cannot move. 

11. Gases are more compressible than liquids. BECAUSE There is more space between particles in 

a gas than between particles in a liquid. 
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Activity INQUIRY 

'ife* -J r i * 

•3H *%■**■'<* The tank of compressed 
gas allows this diver to 
observe the sea turtle in its 

underwater environment. 

' V> " <' 
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CHAPTER 

14 

3. Place the balloon in a sunny window for half an 

hour. Measure and record the circumference of the 

balloon in centimeters. 

Think About It 

1. How did the volume of the balloon change when 

you placed it in the freezer? 

2. What happened to the volume of the balloon 

when you placed it in a sunny window? 

3. Use your results to suggest a relationship between 

the temperature and volume of a gas. 

Observing Volume Changes 

Materials 

round non-latex balloon, marking pen,freezer, 

metric tape measure, sunny window 

Procedure 

1. Inflate the balloon and tie it closed. Use the mark¬ 

ing pen to draw a line around the middle of the 

balloon.This line is the circumference of the bal¬ 

loon. You will use the circumference to track any 

change in the volume of the balloon. 

2. Place the balloon in the freezer for half an hour. 

Remove it and quickly measure and record the 

circumference of the balloon in centimeters. 



14.1 Properties of Gases 

Connecting to Your World , . , +u 
^ In organized soccer, there are 

rules about equipment. For international competitions, the ball's mass 

must be not more than 450 grams and not less than 410 grams.The 

pressure of the air inside the ball must be no lower 

than 0.6 atmospheres and no higher than 

1.1 atmospheres at sea level. A ball that is 

properly inflated will rebound faster and 

travel farther than a ball that is under¬ 

inflated. If the pressure is too high, the 

ball may burst when it is kicked. In this 

section, you will study variables that affect 

the pressure of a gas. 

Compressibility 
When a car comes to a sudden stop, the people in the car will continue to 

move forward unless they are restrained. The driver and any passengers are 

more likely to survive a collision if they are wearing seat belts to restrict 

their forward movement. Cars also contain air bags as a second line of 

defense. A sudden reduction in speed triggers a chemical reaction inside an 

air bag. One product of the reaction is nitrogen gas, which causes the bag to 

inflate. An inflated air bag keeps the driver from colliding with the steering 

wheel, as shown in Figure 14.1. An inflated air bag keeps a passenger from 

colliding with the dashboard or windshield. 

Recall that a gas can expand to fill its container, unlike a solid or liquid. 

The reverse is also true. Gases are easily compressed, or squeezed into a 

smaller volume. Compressibility is a measure of how much the volume of 

matter decreases under pressure. Why does a collision with an inflated air 

bag cause much less damage than a collision with a steering wheel or dash¬ 

board? When a person collides with an inflated air bag, the impact forces 

the molecules of gas in the bag closer together. The compression of the gas 

absorbs the energy of the impact. 

Guide for Reading 

Key Concepts 
• Why are gases easier to 

compress than solids or 

liquids are? 

• What are the three factors that 

affect gas pressure? 

Vocabulary 
compressibility 

Reading Strategy 
Relating Cause and Effect A 

cause makes something happen. 

As you read, write down three 

possible causes for an increase 

in gas pressure. 

Figure 14.1 A crash dummy 

can be used to test the 
effectiveness of an air bag. 
Because gases can be 

compressed, the air bag 
absorbs some of the energy 
from the impact of a collision. 

Air bags work best when 
combined with seat belts. 
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Figure 14.2 There are only a few 
nitrogen and oxygen molecules 

in this model of air. At room 
temperature, the distance 

between molecules in a 
container of air at standard 
pressure is about 10 times the 

diameter of a molecule. 

Kinetic theory can explain why gases are compressed more easily than 

liquids or solids. Gases are easily compressed because of the space 

between the particles in a gas. Remember that the volume of the particles in 

a gas is small compared to the overall volume of the gas. So the distance 

between particles in a gas is much greater than the distance between parti¬ 

cles in a liquid or solid. Under pressure, the particles in a gas are forced 

closer together, or compressed. 

At room temperature, the distance between particles in an enclosed 

gas is about 10 times the diameter of a particle. Figure 14.2 is a model of an 

air sample at room temperature. Only oxygen and nitrogen—the two main 

gases in air—are represented. Note how few particles can fit in this rela¬ 

tively large space when the distance between particles is reasonable for the 

size of the particles. It isn’t practical to represent the actual distances 

between particles in all the molecular drawings of gases in this book. The 

drawings would be too large to easily fit on a page. For the drawings to fit 

on a page, the particles must be drawn closer together. 

How does the volume of the particles in a gas compare to 
the overall volume of the gas? 

For: Links on Gases 
Visit: www.SciLinks.org 
Web Code: cdn-1141 

Factors Affecting Gas Pressure 
Kinetic theory can help explain other properties of gases, such as their abil¬ 

ity to expand and take the shape and volume of their containers. Recall 

these assumptions about the particles in a gas. The particles move along 

straight-line paths until they collide with other particles or the walls of their 

container. The motion of the particles is constant and random. Because 

there are no significant forces of attraction or repulsion among particles in 

a gas, particles in a gas can move freely. 

Four variables are generally used to describe a gas. The variables and 

their common units are pressure (P) in kilopascals, volume (V) in liters, 

temperature {T) in kelvins, and the number of moles {n). The amount 

of gas, volume, and temperature are factors that affect gas pressure. 
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Amount of Gas An air-filled raft blasts through a nar¬ 

row opening between rocks and plummets over a short 

waterfall into churning white water below. The raft bends 

and twists, absorbing some of the pounding energy of the 

river. The strength and flexibility of the raft are impressive 

and rely on the pressure of the gas inside the raft. The raft 

must be made of a material that is strong enough to with¬ 

stand the pressure of the air inside the raft. The material 

must also keep air from leaking out of the raft. The vol¬ 

ume of the inflated raft in Figure 14.3 is dramatically 

larger than the volume of the raft before it is inflated. As 

air is added, the raft expands to its intended volume. The 

pressure of the air inside the raft keeps the raft inflated. 

You can use kinetic theory to predict and explain how 

gases will respond to a change of conditions. If you inflate 

an air raft, for example, the pressure inside the raft will 

increase. Collisions of particles with the inside walls of 

the raft result in the pressure that is exerted by the 

enclosed gas. By adding gas, you increase the number of 

particles. Increasing the number of particles increases 

the number of collisions, which explains why the gas 

pressure increases. 

Figure 14.4 shows what happens when gas is added to an enclosed, 

rigid container. Because the container is rigid, the volume of the gas is con¬ 

stant. Assume also that the temperature of the gas does not change. Under 

these conditions, doubling the number of particles of gas doubles the pres¬ 

sure. Tripling the number of particles triples the pressure, and so on. With 

a powerful pump and a strong container, you can generate very high pres¬ 

sures by adding more and more gas. However, once the pressure exceeds 

the strength of the container, the container will burst. Removing gas from a 

rigid container has the opposite effect. As the amount of gas is reduced, the 

pressure inside the container is reduced. 

Figure 14.3 The volume of this air-filled raft 
is much larger than its volume before it was 

inflated. Using a pump to force air into a raft 

increases the pressure of the air inside the 
raft. The increased pressure causes the raft to 

inflate to its intended size. 

Figure 14.4 When a gas is pumped into a closed rigid 
container, the pressure increases as more particles are added. 

If the number of particles is doubled, the pressure will double. 
Predicting What would happen to the pressure in the 

container if the number of particles were tripled? If the 

number of particles were cut in half? 
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Push button Paint disperses 
opens valve as fine spray 

Figure 14.5 The pressure of the 
gas inside a new can of spray 
paint is greater than the air 

pressure outside the can. When 
gas rushes though an opening in 
the top of the can, it propels, or 

forces, paint out of the can. As 
the can is used, the pressure of 
the propellant decreases. 

Relating Cause and Effect 
What happens when the pres¬ 

sure of the propellant equals the 
air pressure outside the can? 

If the pressure of the gas in a sealed container is lower than the outside 

air pressure, air will rush into the container when the container is opened. 

This movement causes the whoosh you hear when you open a vacuum- 

packed container. When the pressure of a gas in a sealed container is 

higher than the outside air pressure, the gas will flow out of the container 

when the container is unsealed. 

Aerosol cans depend on the movement of a gas from a region of high 

pressure to a region of low'er pressure. Aerosol cans may contain whipped 

cream, hair mousse, or spray paint. Figure 14.5 shows how a can of spray 

paint works. The cart contains a gas stored at high pressure. The air outside 

the can is at a lower pressure. Pushing the spray button creates an opening 

between the inside of the can and the air outside. The gas flows through the 

opening to the lower pressure region outside. The movement of the gas 

propels, or forces, the paint out of the can. As the gas is depleted, the pres¬ 

sure inside the can decreases until the gas can no longer propel paint from 

the can. 

Volume You can raise the pressure exerted by a contained gas by reduc¬ 

ing its volume. The more the gas is compressed, the greater is the pressure 

that the gas exerts inside the container. When gas is in a cylinder, as in an 

automobile engine, a piston can be used to reduce its volume. The snug- 

fitting piston keeps gas from escaping as the cylinder moves down and up. 

Figure 14.6 shows a cylinder of gas under two different conditions. 

When the cylinder has a volume of 1 L, the gas exerts a pressure of 100 kPa, 

When the volume is halved to 0.5 L, the pressure is doubled to 200 kPa. 

Increasing the volume of the contained gas has the opposite effect. If the 

volume is doubled, the particles can expand into a volume that is twice the 

original volume. With the same number of particles in twice the volume, 

the pressure of the gas is cut in half. 

Figure 14.6 A piston can be used to force a gas in a 
cylinder into a smaller volume. When the volume is 

decreased, the pressure the gas exerts is increased. 
Interpreting Diagrams What happens to the gas 

pressure when the volume is reduced from 7 L to 0.5 L 7 
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Temperature A sealed bag of potato chips bulges at the seams when 

placed in a sunny location. The bag bulges because an increase in the tem¬ 

perature of an enclosed gas causes an increase in its pressure. You can use 

kinetic theory to explain what happens. As a gas is heated, the temperature 

increases and the average kinetic energy of the particles in the gas 

increases. Faster-moving particles strike the walls of their container with 

more energy. 

Look at Figure 14.7. The volume of the container and the amount of 

gas is constant. When the Kelvin temperature of the enclosed gas doubles 

from 300 K to 600 K, the pressure of the enclosed gas doubles from 100 kPa 

to 200 kPa. A gas in a sealed container may generate enormous pressure 

when heated. For that reason, an aerosol can, even an “empty” one, may 

explode if thrown onto a fire. By contrast, as the temperature of an 

enclosed gas decreases, the pressure decreases. The particles, on average, 

move more slowly and have less kinetic energy. They strike the container 

walls with less force. Halving the Kelvin temperature of a gas in a rigid con¬ 

tainer decreases the gas pressure by half. 

Figure 14.7 An increase in 

temperature causes an increase 

in the pressure of an enclosed 

gas. The container can explode 

if there is too great an increase 
in the pressure. 

14.1 Section Assessment 

1. Key Concept Why is a gas easy to compress? 

2. Key Concept List three factors that can affect 

gas pressure. 

3. Why does a collision with an air bag cause less 

damage than a collision with a steering wheel? 

4. How does a decrease in temperature affect the 

pressure of a contained gas? 

5. If the temperature is constant, what change 

in volume would cause the pressure of an 

enclosed gas to be reduced to one quarter of 

its original value? 

6. Assuming the gas in a container remains at a 

constant temperature, how could you increase the 

gas pressure in the container a hundredfold? 

Writing Activity 

Explaining Aerosol Cans Write a paragraph 

explaining how the compressed gas in an aerosol 

can force paint out of the can. Describe how the 
gas pressure inside the can changes as the paint 

is sprayed, and identify the variable that causes 
this change. Refer to Figure 14.5. 

@ 
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Assessment 14.1 Testyourself 
on the concepts in Section 14.1. 

with ChemASAP 
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Guide for Reading 

Key Concepts 
• How are the pressure, volume, 

and temperature of a gas 

related? 
• When is the combined gas law 

used to solve problems? 

Vocabulary 
Boyle's law 

Charles's law 

Gay-Lussac's law 

combined gas law 

Reading Strategy 
Relating Text and Visuals 

As you read, look closely at 

Figure 14.9. Explain how a 

combination of photographs and 

drawings helps you understand 

the relationship between the 

temperature and volume of a gas. 

Connecting to Your World This hot a, 
balloon was designed to carry a passenger around 

the world. Because warm air is less dense than 

cooler air, the pilot heats the air inside the bal¬ 

loon to make the balloon rise.The pilot releases 

hot air through a vent in the top of the balloon to 

make the balloon descend. In this section, you 

will study some laws that will allow you to predict 

gas behavior under specific conditions, such as in a 

hot air balloon. 

Boyle's Law: Pressure and Volume 
How would an increase in pressure affect the volume of a contained gas? 

If the temperature is constant, as the pressure of a gas increases, the 

volume decreases. In turn, as the pressure decreases, the volume increases. 

Robert Boyle was the first person to study this pressure-volume relation¬ 

ship in a systematic way. In 1662, Boyle proposed a law to describe the 

relationship. Boyle's law states that for a given mass of gas at constant 

temperature, the volume of the gas varies inversely with pressure. 

Look at Figure 14.8. A gas with a volume of 1.0 L, (Vj) is at a pressure of 

100 kPa (Px). As the volume increases to 2.0 L (Vy, the pressure decreases to 

50 kPa (P2). The product P1 X V1 (100 kPa X 1.0 L = 100 kPa-L) is the same 

as the product P2 X V2 (50 kPa X 2.0 L it 100 kPa-L). As the volume 

decreases to 0.5 L (Vy, the pressure increases to 200 kPa (P3). Again, the 

product of the pressure and the volume equals 100 kPa-L. 

Figure 14.8 The pressure of a 
gas changes as the volume 
changes. 

INTERPRETING GRAPHS 

a. Observing When the 
volume is 2.0 L, what is the 
pressure? 

b. Predicting What would 

the pressure be if the volume 
were increased to 3.0 L? 
c. Drawing Conclusions 

Based on the shape of the 
graph, describe the general 

pressure-volume relationship. 

Boyle's Law 
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In an inverse relationship, the product of the two variable quantities is 

constant. So the product of pressure and volume at any two sets of pressure 

and volume conditions is always constant at a given temperature. The 

mathematical expression of Boyle’s law is as follows. 

P1XV1 = P2X V2 

The graph of an inverse relationship is always a curve, as in Figure 14.8. 

Textbook 

Simulation 15 Examine 
the relationship between 
gas volume and pressure. 

_with ChemASAP 

SAMPLE PROBLEM 14.1 FiTri j 111-11 i n 

Using Boyle's Law 

A balloon contains 30.0 L of helium gas at 103 kPa. What is the volume 

of the helium when the balloon rises to an altitude where the pressure 

is only 25.0 kPa? (Assume that the temperature remains constant.) 

ffl) Analyze List the knowns and the unknown. 

Knowns Unknown 

• Px = 103 kPa 

• Vi = 30.0 L 

V2 = ?L 

■ P2 = 25.0 kPa 

Use Boyle’s law (P, X Vl = P2x V2) to calculate the unknown 

value (V2). 

Calculate Solve for the unknown. 

Rearrange Boyle’s law to isolate V2. 

V1XPl 
^2 p», 

Substitute the known values for Pv Vi, and P2 into the equation 

and solve. 

V2 = 

30.0 L X 103 kPa 
25.0 kPa 

= 1.24 X 102 L 

Evaluate Does the result make sense? 

A decrease in pressure at constant temperature must correspond to a 

proportional increase in volume. The calculated result agrees with 

both kinetic theory and the pressure-volume relationship. Also, the 

units have canceled correctly and the answer is expressed to the 

proper number of significant figures. 

Practice Problems 

Nitrous oxide (N20) is used as 

an anesthetic. The pressure 

on 2.50 L of N20 changes from 

105 kPa to 40.5 kPa. If the tem¬ 

perature does not change, 

what will the new volume be? 

A gas with a volume of 4.00 L 

at a pressure of 205 kPa is 

allowed to expand to a volume 

of 12.0 L. What is the pressure 

in the container if the temper¬ 

ature remains constant? 

Math Handbook 

For help with algebraic 
equations, go to page R69. 

Textbook 

Problem Solving 14.8 
Solve Problem 8 with the help of 
an interactive guided tutorial. 

—-with ChemASAP 
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Figure 14.9 When the gas in 
the blue balloon is cooled at 

constant pressure, the volume of 
the gas decreases. When the gas 

is heated at constant pressure, 
the volume increases. 

Calculating What is the ratio 
of volume to temperature 
for each set of conditions? 
Round your answer to two 

significant figures. 

Charles's Law: Temperature and Volume 
Figure 14.9 compares the volume of a balloon in a mixture of ice, salt, and 

water to the volume of the same balloon in hot water. The amount of gas 

and the pressure are constant. As the temperature of an enclosed gas 

increases, the volume increases, if the pressure is constant. 

In 1787, the French physicist Jacques Charles studied the effect of tem¬ 

perature on the volume of a gas at constant pressure. When he graphed his 

data, Charles observed that a graph of gas volume versus temperature 

(in °C) is a straight line for any gas. When he extrapolated, or extended, the 

line to zero volume (V= 0), the line always intersected the temperature axis 

at ~273.15°C. This value is equal to 0 on the Kelvin temperature scale. 

The observations that Charles made are summarized in Charles’s law. 

Charles's law states that the volume of a fixed mass of gas is directly propor¬ 

tional to its Kelvin temperature if the pressure is kept constant. Look at the 

graph in Figure 14.10. When the temperature is 300 K, the volume is 1.0 L. 

When the temperature is 900 K, the volume is 3.0 L. In both cases, the ratio 

of Vto Tis 0.0033. 

Figure 14.10 This graph shows 
how the volume changes as the 
temperature of a gas changes. 

4- 

INTERPRETING GRAPHS 

a. Observing What is the 3- 

unit of temperature? 

b. Drawing Conclusions * 2- 
What happens to the volume E 

as the temperature rises? 

c. Predicting If the tempera- > 1- 

ture of a gas were 0 K, what 
would the volume of the o 
gas be? 

Charles's Law 

AV 

I l I I 
200 400 600 

Temperature (K) 

800 1000 

L 
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The ratio V1I Tx is equal to the ratio V2I I2. Because this ratio is constant 

at all conditions of temperature and volume, when the pressure is con¬ 

stant, you can write Charles’s law as follows. 

n _ u2 
Ti t2 

The ratio of the variables is always a constant in a direct relationship, 

and the graph is always a straight line. It is not a direct relationship if the 

temperatures are expressed in degrees Celsius. So when you solve gas law 

problems, the temperature must always be expressed in kelvins. 

Textbook 

Simulation 16 Examine the 
relationship between gas 
volume and temperature. 

■-with ChemASAP 

SAMPLE PROBLEM 14.2 

Using Charles's Law 

A balloon inflated in a room at 24°C has a volume of 4.00 L. The balloon 

is then heated to a temperature of 58°C. What is the new volume if the 

pressure remains constant? 

B) Analyze List the knowns and the unknown. 

Knowns Unknown 

• Vi = 4.00 L 

• 7i = 24°C 

• V2 = ? L 

T2 = 58°C 

Use Charles’s law (V, / X, = V2IT2) to calculate the unknown value (V2). 

B) Calculate Solve for the unknown. 

Because you will use a gas law, express the temperatures in kelvins. 

Tj = 24°C + 273 = 297 K 

T2 = 58°C + 273 = 331 K 

Rearrange Charles’s law to isolate V2. 

K x t2 
v2 = 

Substitute the known values for Tv Vv and T2 into the equation 

and solve. 

4.00 L X 33IK 
297 JR 

= 4.46 L 

Practice Problems 

9. If a sample of gas occupies 

6.80 L at 325°C, what will its 

volume be at 25°C if the 

pressure does not change? 

Evaluate Does the result make sense? 

The volume increases as the temperature increases. This result agrees 

with both the kinetic theory and Charles’s law. 

10. Exactly 5.00 L of air at -50.0°C 

is warmed to 100.0°C. What is 

the new volume if the pressure 

remains constant? 

Textbook 

Problem Solving 14.10 

Solve Problem 10 with the help 
of an interactive guided tutorial. 

_with ChemASAP 
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Figure 14.11 When a gas is 
heated at constant volume, 
the pressure increases. 
Interpreting Diagrams How 
can you tell from the drawings 

that there is a fixed amount of 
gas in the cylinders? 

100 kPa 200 kPa 

Gay-Lussac's Law: Pressure and Temperature 
When tires are not inflated to the recommended pressure, fuel efficiency 

and traction decrease. Treads can wear down faster. Most importantly, 

improper inflation can lead to tire failure. A driver should not check tire 

pressure after driving a long distance because the air in a tire heats up dur¬ 

ing a drive. As the temperature of an enclosed gas increases, the 

pressure increases, if the volume is constant. 

Joseph Gay-Lussac (1778-1850), a French chemist, discovered the rela¬ 

tionship between the pressure and temperature of a gas in 1802. His name 

is on the gas law that describes the relationship. Gay-Lussac's law states that 

the pressure of a gas is directly proportional to the Kelvin temperature if 

the volume remains constant. Look at Figure 14.11. When the temperature 

is 300 K, the pressure is 100 kPa. When the temperature is doubled to 600 K, 

the pressure doubles to 200 kPa. Because Gay-Lussac’s law involves direct 

proportions, the ratios Pl/Tl and P2IT2 are equal at constant volume. You 

can write Gay-Lussac’s law as follows. 

Gay-Lussac’s law can be applied to reduce the time it takes to cook 

food. One cooking method involves placing food above a layer of water and 

heating the water. The water vapor, or steam, that is produced cooks the 

food. Steam that escapes from the pot is at a temperature of about 100°C 

when the pressure is near one atmosphere. In a pressure cooker, like the 

one shown in Figure 14.12, steam is trapped inside the cooker. The temper¬ 

ature of the steam reaches about 120°C. The food cooks faster at this higher 

temperature, but the pressure rises, which increases the risk of an explo¬ 

sion. A pressure cooker has a valve that allows some vapor to escape when 

the pressure exceeds the set value. 

(^Checkpoint) How does a pressure cooker affect the time needed to 

cook food? 

Figure 14.12 In a pressure 
cooker, food cooks faster than 

in an ordinary pot with a lid. 
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SAMPLE PROBLEM 14.3 1 1 }|| 
P441444I1 

Using Gay-Lussac's Law 

Aerosol cans carry warnings on their labels that say not to incinerate 

(burn) them or store the cans above a certain temperature. This prob¬ 

lem will show why it is dangerous to dispose of aerosol cans in a fire. 

The gas in a used aerosol can is at a pressure of 103 kPa at 25°C. If the 

can is thrown onto a fire, what will the pressure be when the tempera¬ 

ture reaches 928°C? 

Analyze List the knowns and the unknown. 

Knowns Unknown 

• Px = 103 kPa 

• Tx = 25°C 

• T2 = 928°C 

• P, = ? kPa 

Use Gay-Lussac’s law [PJTX = P2/T2) to calculate the unknown (P2). 

Remember, because this problem involves temperatures and a gas law, 

the temperatures must be expressed in kelvins. 

; J Calculate Solve for the unknown. 

First convert degrees Celsius to kelvins. 

Tx = 25°C + 273 = 298 K 

T2 = 928°C + 273 = 1201 K 

Rearrange Gay-Lussac’s law to isolate P2. 

P, X T0 
P2 = 

Ti 

Substitute the known values for Pv T2, and T, into the equation 

and solve. 

P2 = 
103 kPa x 1201 je 

298.R 

= 415 kPa 

= 4.15 x 102 kPa 

Evaluate Does the result make sense? 

From the kinetic theory, one would expect the increase in temperature 

of a gas to produce an increase in pressure if the volume remains 

constant. The calculated value does show such an increase. 

Practice Problems 

11. A sample of nitrogen gas 

has a pressure of 6.58 kPa at 

539 K. If the volume does not 

change, what will the pressure 

be at 211 K? 

12. The pressure in a car tire is 

198 kPa at 27°C. After a long 

drive, the pressure is 225 kPa. 

What is the temperature of 

the air in the tire? Assume 

that the volume is constant. 

9 

Simulation 17 Examine the 
relationship between gas 
pressure and temperature. 

> with ChemASAP 

Textbook 

9 

Problem Solving 14.12 
Solve Problem 12 with the help 
of an interactive guided tutorial. 

-with ChemASAP 

Textbook 
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For: Links on The Gas Laws 
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The Combined Gas Law 
There is a single expression that combines Boyle’s, Charles’s, and Gay- 

Lussac’s laws. The combined gas law describes the relationship among the 

pressure, temperature, and volume of an enclosed gas. The combined 

gas law allows you to do calculations for situations in which only the amount 

of gas is constant. 

P, XT, P, X v2 
T ~ T 11 1z 

SAMPLE PROBLEM 14.4 

Using the Combined Gas Law 

The volume of a gas-filled balloon is 30.0 L at 313 K and 153 kPa pressure. 

What would the volume be at standard temperature and pressure (STP)? 

Analyze List the knowns and the unknown. 

Knowns 

• Vl = 30.0 L Unknown 

• T, = 313 K •Vr2 = ?L 

• P, = 153 kPa 

• T2 = 273 K (standard temperature) 

•P2 = 101.3 kPa (standard pressure) 

Use the known values and the combined gas law to calculate the 

unknown {V2). 

3 Calculate Solve for the unknown. 

Rearrange the combined gas law to isolate V2. 

© 

Problem Solving 14.14 

Solve Problem 14 with the help 
of an interactive guided tutorial. 

_with ChemASAP 

Textbook 

V, x p1 x t2 

Substitute the known quantities into the equation and solve. 

O 

V = 30.0 L X 153 kPa X 273 Kr 
2 101.3 kPa X 313 K 

39.5 L 

Evaluate Does the result make sense? 

A decrease in temperature and a decrease in pressure have opposite 

effects on the volume of gas in a balloon. To evaluate the increase in 

volume, multiply the original volume (30.0 L) by the ratio of P, to P2 

(1.51) and the ratio of T2 to P, (0.872). The result is 39.5 L. 

Practice Problems 

13. A gas at 155 kPa and 25°C 

has an initial volume of 

1.00 L. The pressure of the 

gas increases to 605 kPa as 

the temperature is raised 

to 125°C. What is the 

new volume? 

14. A 5.00-L air sample has a 

pressure of 107 kPa at a 

temperature of -50.0°C. If 

the temperature is raised 

to 102°C and the volume 

expands to 7.00 L, what will 

the new pressure be? 
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Weather balloons, like the one in Figure 14.13, carry a package of data- 

gathering instruments up into the atmosphere. At an altitude of about 

27,000 meters, the balloon bursts. The combined gas law can help to 

explain this situation. Both outside temperature and pressure drop as the 

balloon rises. These changes have opposite effects on the volume of the 

weather balloon. A drop in temperature causes the volume of an enclosed 

gas to decrease. A drop in outside pressure causes the volume to increase. 

Given that the balloon bursts, the drop in pressure must affect the volume 

more than the drop in temperature does. 

The combined gas law can also help you solve gas problems when only 

two variables are changing. It may seem challenging to remember four dif¬ 

ferent expressions for the gas laws. But you actually only need to remember 

one expression—the combined gas law. You can derive the other laws from 

the combined gas law by holding one variable constant. 

To illustrate, suppose you hold the temperature constant [Tx = T2). 

Rearrange the combined gas law so that the two temperature terms are on 

the same side of the equation. Because T\ = T2, the ratio of Tx to T2 is equal 

to one. Multiplying by 1 does not change a value in an equation. So when 

the temperature is constant, you can delete the temperature ratio from the 

rearranged combined gas law. What you are left with is the mathematical 

expression of Boyle’s law. 

T 
i3! X Vj = P2 X v2 X ~~ 

Py X Vl = P2 X V2 

Figure 14,13 Weather balloons 
carry instruments that can gather 

data about Earth's atmosphere. 

Predicting Explain why helium 
is more likely than air to be used 
in weather balloons. 

A similar process yields Charles’s law when pressure remains constant and 

Gay-Lussac’s law when volume remains constant. 

14.2 Section Assessment 

15. 0^ Key Concept How are the pressure and 

volume of a gas related at constant temperature? 

16. Key Concept If pressure is constant, how 

does a change in temperature affect the volume 

of a gas? 

17. Key Concept What is the relationship 

between the temperature and pressure of a 

contained gas at constant volume? 

18. Key Concept In what situations is the 

combined gas law useful? 

19. Write the mathematical equation for Boyle’s 

law and explain the symbols. 

20. A given mass of air has a volume of 6.00 L at 

101 kPa. What volume will it occupy at 25.0 kPa 

if the temperature does not change? 

21. Explain how Charles’s law can be derived from 

the combined gas law. 

22. The volume of a weather balloon increases as 

the balloon rises in the atmosphere. Why doesn’t 

the drop in temperature at higher altitudes 

cause the volume to decrease? 

Connecting Concepts 

Phase Changes Use what you learned about phase 
changes in Section 13.4 to try to explain this state¬ 

ment: Scientists cannot collect temperature and 
volume data for an enclosed gas at temperatures 
near absolute zero. 

& 

•^Textbook 

Assessment 14.2 Test yourself 
on the concepts in Section 14.2. 

with ChemASAP 
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Ideal Gases 

Guide for Reading 

Key Concepts 
• What is needed to calculate 

the amount of gas in a sample 

at given conditions of volume, 

temperature, and pressure? 

• Under what conditions are real 

gases most likely to differ from 

ideal gases? 

Vocabulary 
ideal gas constant 

ideal gas law 

Reading Strategy 
Building Vocabulary After you 

read this section, explain the 

difference between ideal and 

real as these terms are applied 

to gases. 

Connecting to Your World Solid carbon dioxide or dry ice 
is used to protect products that need to be kept cold during shipping. 

The adjective dry refers to a key advantage of 

shipping with dry ice. Dry ice doesn't melt, 

It sublimes. Dry ice can exist because 

gases don't obey the assumptions of ^ 

kinetic theory at all conditions. In ■ 
this section, you will learn how real WBkl . 
gases differ from the ideal gases on 

which the gas laws are based. 

With the combined gas law, you can solve problems with three variables: 

pressure, volume, and temperature. The combined gas law assumes that 

the amount of gas does not vary. You cannot use the combined gas law to 

calculate the number of moles of a gas in a fixed volume at a known tem- 

To calculate the number of moles of a contained perature and pressure. C 

gas requires an expression that contains the variable n. The combined gas 

law can be modified to include the number of moles. 

The number of moles of gas is directly proportional to the number of 

particles. The volume occupied by a gas at a specified temperature and 

pressure also must depend on the number of particles. So moles must be 

directly proportional to volume as well. You can introduce moles into the 

combined gas law by dividing each side of the equation by n. 

P1XV1 _P2X V2 

Ty x n1 T2 X n2 

This equation shows that (P x V)/{Tx n) is a constant. This constant holds 

for ideal gases—gases that conform to the gas laws. 

If you know the values for P, V, T, and n for one set of conditions, you 

can calculate a value for the constant. Recall that 1 mol of every gas occu¬ 

pies 22.4 L at STP (101.3 kPa and 273 K). You can use these values to find the 

value of the constant, which has the symbol R and is called the ideal gas 

constant. Insert the values ofP, V, T, and n into (P x V)![T X n). 

R = PXV _ 101.3 kPa X 22.4 L 
= 8.31 (L-kPa)/(K-mol) 

TXn 273 K X 1 mol 

The ideal gas constant (P) has the value 8.31 (L-kPa)/(K-mol). The gas law 

that includes all four variables—P, V, T, and n—is called the ideal gas law. It 

is usually written as follows. 

Guide for Reading 

Key Concepts 
• What is needed to calculate 

the amount of gas in a sample 

at given conditions of volume, 

temperature, and pressure? 

• Under what conditions are real 

gases most likely to differ from 

ideal gases? 

Vocabulary 
ideal gas constant 

ideal gas law 

Reading Strategy 
Building Vocabulary After you 

read this section, explain the 

difference between ideal and 

real as these terms are applied 

to gases. 

PxV=nXRXT or PV= nRT 
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O Analyze List the knowns and the unknown. 

Knowns Unknown 

•P= 1.50 X 103kPa • ?kgCH4 

• V = 2.24 X 106L 

•T = 315K 

•R = 8.31 (L-kPa)/(K-mol) 

• molar massCH4 = 16.0 g 

Calculate the number of moles (n) using the ideal gas law. Use 

the molar mass to convert moles to grams. Then convert grams 

to kilograms. 

Using the Ideal Gas Law to Find the Amount of a Gas 

A deep underground cavern contains 2.24 x 106 L of methane gas (CH4) 

at a pressure of 1.50 X 103 kPa and a temperature of 315 K. How many 

kilograms of CH4 does the cavern contain? 

Engineers use drilling rods to 

explore for natural gas in the 

crust below the ocean floor. 

O Calculate Solve for the unknown. 

Rearrange the equation for the ideal gas law to isolate n. 

n 
Px V 
Rx T 

Substitute the known quantities into the equation to find the number 

of moles of methane. 

n 
(1.50 X 103 kPa) X (2.24 X 106TA 

8.31 ‘ J kl’a. X 315 IT 
K X mol 

= 1.28 x 106 mol CH4 

A mole-mass conversion gives the number of grams of methane. 

X 106m©H3H^ X 
16.0 gCH4 

1 moTCTTj 
20.5 X 106 g CH4 

2.05 X 107 g CH4 

Convert this answer to kilograms. 

Handbook 

For help with conversion 
problems, go to page R66. 

2.05 X 107g CH4 X = 2.05 X 104 kg CH4 

M Evaluate Does the result make sense? 

Although the methane is compressed, its volume is still very large. 

So it is reasonable that the cavern contains a large mass of methane. 

Practice Problems 

23. When the temperature of 

a rigid hollow sphere con¬ 

taining 685 L of helium gas 

is held at 621 K, the pressure 

of the gas is 1.89 X 103 kPa. 

How many moles of helium 

does the sphere contain? 

24. A child’s lungs can hold 2.20 L. 

How many grams of air do 

her lungs hold at a pressure of 

102 kPa and a body tempera¬ 

ture of 37°C? Use a molar 

mass of 29 g for air, which is 

about 20% 02 (32 g/mol) and 

80% N2 (28 g/mol). 

Textbook 

Problem Solving 14.24 

Solve Problem 24 with the help 
of an interactive guided tutorial. 

>_with ChemASAP 
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Carbon Dioxide from Antacid Tablets 

Purpose 
To measure the amount of 

carbon dioxide gas given 

off when antacid tablets 

dissolve in water. 

Materials 
6 effervescent antacid 

tablets 

3 rubber balloons 
(spherical) 

plastic medicine dropper 

water 

clock or watch 

metric tape measure 

graph paper 

Procedure 

gs£d Sensor version available in the 

LJ Probeware Lab Manual. 

1. Break six antacid tablets into small 

pieces. Keep the pieces from each tab¬ 

let in a separate pile. Put the pieces 

from one tablet into the first balloon. 

Put the pieces from two tablets into a 

second balloon. Put the pieces from 

three tablets into a third balloon. 

CAUTION If you are allergic to latex, 

do not handle the balloons. 

2. After you use the medicine dropper 

to squirt about 5 mL of cold water 

into each balloon, immediately tie 

off each balloon. 

Analyze and Conclude 
1. Make a graph of volume versus 

number of tablets. Use your graph to 

describe the relationship between 

the number of tablets used and the 

volume of the balloon. 

• pressure sensor 
(optional) 

3. Shake the balloons to mix the contents. 

Allow the contents to warm to room 

temperature. 

4. Measure and record the circumference 

of each balloon several times during 

the next 20 minutes. 

2. Assume that the balloon is filled 

with carbon dioxide gas at 20°C and 

standard pressure. Calculate the 

mass and the number of moles of 

C02 in each balloon at maximum 

inflation. 

5. Use the maximum circumference of 

each balloon to calculate its volume. 

(Hint: Volume of a sphere = and 

r = circumference/27t.) 

3. If a typical antacid tablet contains 

2.0 g of sodium hydrogen carbonate, 

how many moles of C02 should 

one tablet yield? Compare this 

theoretical value with your results. 

/ 

Figure 14.14 In this flask used 
to store liquid nitrogen, there 
are two walls with a vacuum 
in between. 

Ideal Gases and Real Gases 
An ideal gas is one that follows the gas laws at all conditions of pressure 

and temperature. Such a gas would have to conform precisely to the 

assumptions of kinetic theory. Its particles could have no volume, and 

there could be no attraction between particles in the gas. As you probably 

suspect, there is no gas for which these assumptions are true. So an ideal 

gas does not exist. Nevertheless, at many conditions of temperature and 

pressure, real gases behave very much like an ideal gas. 

The particles in a real gas do have volume, and there are attractions 

between the particles. Because of these attractions, a gas can condense, or 

even solidify, when it is compressed or cooled. For example, if water vapor 

is cooled below 100°C at standard atmospheric pressure, it condenses to a 

liquid. The behavior of other real gases is similar, although lower tempera¬ 

tures and greater pressures may be required. Such conditions are required 

to produce the liquid nitrogen in Figure 14.14. Real gases differ most 

from an ideal gas at low temperatures and high pressures. 



Figure 14.15 This graph shows 

how real gases deviate from the 

ideal gas law at high pressures. 

Real Gases Deviate From the Ideal 

CH4 <0°C) 

20,000 40,000 60,000 

Pressure (kPa) 

80,000 

INTERPRETING GRAPHS 

a. Observing What are the 

values of (PV)/(nRT) for an ideal 

gas at 20,000 and 60,000 kPa? 

b. Comparing What variable is 
responsible for the differences 

between the two (CH4) curves? 

c. Making Generalizations 
How does an increase in 

pressure affect the (PV)/(nRT) 

ratio for real gases? 

Figure 14.15 shows how the value of the ratio {PVI nRT) changes as 

pressure increases. For an ideal gas, the result is a horizontal line because 

the ratio is always equal to 1. For real gases at high pressure, the ratio may 

deviate, or depart, from the ideal. When the ratio is greater than 1, the 

curve rises above the ideal gas line. When the ratio is less than 1, the curve 

drops below the line. The deviations can be explained by two factors. As 

attractive forces reduce the distance between particles, a gas occupies less 

volume than expected, causing the ratio to be less than 1. But the actual 

volume of the molecules causes the ratio to be greater than 1. 

In portions of the curves below the line, intermolecular attractions 

dominate. In portions of the curves above the line, molecular volume dom¬ 

inates. Look at the curves for methane (CH4) at 0°C and at 200°C. At 200°C, 

the molecules have more kinetic energy to overcome intermolecular 

attractions. So the curve for CH4 at 200°C never drops below the line. 

14.3 Section Assessment 

25. Key Concept What do you need to calculate 

the amount of gas in a sample at given conditions 

of temperature, pressure, and volume? 

26. Key Concept Under what conditions do real 

gases deviate most from ideal behavior? 

27. What is an ideal gas? 

28. Determine the volume occupied by 0.582 mol 

of a gas at 15°C if the pressure is 81.8 kPa. 

29. What pressure is exerted by 0.450 mol of a gas 

at 25°C if the gas is in a 0.650-L container? 

30. Use the kinetic theory of gases to explain this 

statement: No gas exhibits ideal behavior at all 

temperatures and pressures. 

Connecting Concepts 

Polarity At standard pressure, ammonia will con¬ 

dense at -33.3°C. At the same pressure, nitrogen 
does not condense until -195.79°C. Use what 
you learned about intermolecular attractions and 

polarity in Section 8.3 to explain this difference. 

Textbook 

Assessment 14.3 Test yourself 
on the concepts in Section 14.3. 

-- with ChemASAP 
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Tank The diver chooses the 

compressed gas mixture 

that best suits the depth and 

length of the planned dive. 

For deep dives, some or all 

of the nitrogen may be 

replaced with helium. 

'f. 

Regulator The regulator 

automatically adjusts the 

pressure of the gas mixture 

to keep the pressure inside 

the lungs equal to the 

pressure outside the lungs. 

mm 

Diving In 

Divers who depend on the air in their lungs can 

stay under water for only a few minutes. But with 

tanks of compressed air, scuba divers can stay under 

water for hours.They can descend to great depths 

to explore a coral reef or salvage a sunken ship. 

Compressed air allows engineers to build, inspect, 

and repair ships, bridges, and oil platforms. 

Interpreting Diagrams Which of the two main 

components of air must be in a diver's tank? 

Compressed 

air 

Nitrogen 

Heliox 
Oxygen 

4 
Helium 

Trimix 



Nitrogen narcosis Below a depth 

of about 30 meters, dissolved 

nitrogen interferes with the 

transmission of nerve impulses. 

The effects are similar to those of 

alcohol and include dizziness, 

slowed reaction time, and an 

inability to think clearly. 

Decompression sickness As 

the diver returns to the surface, 

pressure decreases and dissolved 

nitrogen is released from the 

blood. Bubbles of nitrogen can 

block small blood vessels and 

reduce the supply of oxygen to 

cells, causing severe pain in the 

joints, dizziness, and vomiting. 

Dive tables help a diver avoid decompression 

sickness. Divers use the data to control the length 

and frequency of their dives, and the rate at which 
they return to the surface. 

Table 1 End-of-dive lettergroup At the end of a dive, 

the diver matches the time and depth of the dive to 

a letter group. Letter A represents the least amount 

of nitrogen left in the blood after the dive. 

The circled numbers show the maximum time a diver 

can spend at a given depth without having to make 

a decompression stop during the ascent. 

Table 3 Repetitive dive timetable Divers use 

this table to determine an adjusted maximum 

dive time before doing a second dive.They 

also use the table to determine a letter group 

at the end of the second dive. 

Table 2 Surface interval time The longer 

a diver spends at the surface, the more 

nitrogen is excreted through the lungs. 

A diver can move from Group H to Group A 

after 8 hours at the surface. 

RNT RESIDUAL NITROGEt 

+ADT ACTUAL DIVE TiME 

TNT 

(USE THIS FIGURE TO 
DETERMINE 

TABLE 1 - END-OF-DIVE LETTER GROUP 

E TIME REQUIRING OECOMPRES 
MINUTES REQUIRED AT IS' STOP (» 

TABLE 3 - REPETITIVE DIVE TIMETABLE ' ABLE 2 - SURFACE INTERVAL TIME (SIT) TABLE 
! TIME RANGES IN HOURS: MINUTES 

• ACTUAL DIVE TWE SHOULD NOT EXCEED THIS NUMOER 

DIVE TABLES 

Dissolved nitrogen As a diver descends, 

the water exerts greater pressure. More 

gas pressure is required to keep the lungs 

expanded.This increased gas pressure causes 

more nitrogen to dissolve in the diver's blood. 
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Gases: Mixtures and Movements 

Guide for Reading 

Key Concepts 
• How is the total pressure of a 

mixture of gases related to 

the partial pressures of the 

component gases? 

• How does the molar mass of a 

gas affect the rate at which the 

gas effuses or diffuses? 

Vocabulary 

partial pressure 

Dalton's law of partial pressures 

diffusion 

effusion 

Graham's law of effusion 

Reading Strategy 
Previewing Before you read, 

look at the equation on this page 

that is highlighted in yellow. In 

your own words, describe the 

relationship that the equation 

is expressing. 

Connecting to Your World The top of Mount Everest is more 

than 29,000 feet above sea level. A list of gear for an expedition to 

Mount Everest includes climbing equipment 

such as an ice axe and a climbing harness. 

It includes ski goggles and a down parka 

with a hood. All the items on the list are 

important, but none is as important as 

the compressed-gas cylinders of 

oxygen. In this section, you will find out 

why a supply of oxygen is essential at 

higher altitudes. 

Dalton's Law 
Gas pressure results from collisions of particles in a gas with an object. If 

the number of particles increases in a given volume, more collisions occur. 

If the average kinetic energy of the particles increases, more collisions 

occur. In both cases, the pressure increases. Gas pressure depends only on 

the number of particles in a given volume and on their average kinetic 

energy. Particles in a mixture of gases at the same temperature have the 

same average kinetic energy. So the kind of particle is not important. 

Table 14.1 shows the composition of dry air, air that does not contain 

any water vapor. The contribution each gas in a mixture makes to the total 

pressure is called the partial pressure exerted by that gas. In dry air, the par¬ 

tial pressure of nitrogen is 79.11 kPa. In a mixture of gases, the total 

pressure is the sum of the partial pressures of the gases. 

^total ~ ? 1+ P2 + P3 + ■■■ 

This equation is a mathematical expression of a law proposed by Dalton. 

Dalton's law of partial pressures states that, at constant volume and tem¬ 

perature, the total pressure exerted by a mixture of gases is equal to the 

sum of the partial pressures of the component gases. 

Textbook 
Animation 17 Observe the 
behavior of a mixture of 
nonreacting gases. 

> with ChemASAP 

Composition of Dry Air 

Component Volume (%) Partial pressure (kPa) 

Nitrogen 78.08 79.11 

Oxygen 20.95 21.22 

Carbon dioxide 0.04 0.04 

Argon and others 0.93 0.95 

Total 100.00 101.32 
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100 kPa 250 kPa 200 kPa 

Container A 

550 kPa 

Container T 

Figure 14.16 Three gases 

are combined in container T. 

The pressure that each gas exerts 

is independent of the pressure 

exerted by the other two gases. 

The pressure in container T is 
the sum of the pressures in 

containers A, B, and C. 

interpreting Diagrams What 

is the relationship between the 

number of particles in containers 

A and C and the partial pressures 
of the gases in A and C? 

Look at Figure 14.16. Containers A, B, C, andT (for total) have the same 

volume and are at the same temperature. The gases in containers A, B, and 

C are combined in container T. Because the volumes are identical, each gas 

in the mixture exerts the pressure it exerted before the gases were mixed in 

container T. So the pressure in container T (550 kPa) is the sum of the pres¬ 

sures in containers A, B, and C (100 + 250 + 200 kPa). 

If the percent composition of a mixture of gases does not change, the 

fraction of the pressure exerted by a gas does not change as the total pres¬ 

sure changes. This fact is important for people who must operate at high 

altitudes. For example, at the top of Mount Everest, the total atmospheric 

pressure is 33.73 kPa. This is about one-third of its value at sea level. The 

partial pressure of oxygen is also reduced by one third, to 7.06 kPa. The par¬ 

tial pressure'oLoxygen must be 10.67 kPa or higher to support respiration 

in humans. The climber in Figure 14.17 needs an oxygen mask and a cylin¬ 

der of compressed oxygen to survive. 

,rioo 

ivatior* flOM 

Figure 14.17 This climber is 
using a tank of compressed gas 
to supplement the supply of 

oxygen available at high 
altitudes. 
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(fp Evaluate Does the result make sense? 

The partial pressure of oxygen must be smaller than that of nitrogen 

because Ptotal is only 101.30 kPa. The other partial pressures are small, 

so an answer of 21.22 kPa seems reasonable. 

Practice Problems 

!I0W@ 
r Textbook 

Problem Solving 14.32 

Solve Problem 32 with the help 
of an interactive guided tutorial. 

_with ChemASAP 

31. Determine the total pressure 32. A gas mixture containing 

of a gas mixture that contains 

oxygen, nitrogen, and helium. 

The partial pressures are: 

P0 = 20.0 kPa, PN = 46.7 kPa, 

and PHe = 26.7 kPa. 

oxygen, nitrogen, and carbon 

dioxide has a total pressure of 

32.9 kPa. If P0 = 6.6 kPa and 

PN = 23.0 kPa, what is Pco ? 

SAMPLE PROBLEM 14.6 

T Calculate Solve for the unknown. 

Rearrange Dalton’s law to isolate P0. Substitute the values for the 

partial pressures and solve the equation. 

Po2 = ^total ~ (^N2 V ^others) 

= 101.30 kPa - (79.10 kPa + 0.040 kPa + 0.94 kPa) 

= 21.22 kPa 

Using Dalton's Law of Partial Pressures 

Air contains oxygen, nitrogen, carbon dioxide, and trace amounts 

of other gases. What is the partial pressure of oxygen (P0) at 101.30 kPa 

of total pressure if the partial pressures of nitrogen, carbon dioxide, 

and other gases are 79.10 kPa, 0.040 kPa, and 0.94 kPa, respectively? 

Analyze List the knowns and the unknown. 

Knowns 

1 PN - 79.10 kPa 

1 Pc q2 = 0.040 kPa 

■ ^others = 0-94 kPa 
■PtotaI= 101.30 kPa 

Unknown 

Use Dalton’s law of partial pressures (Ptotal = P0 

to calculate the unknown value (P0). 

+ Pm + P CO, others/ 

Firefighters carry tanks of 
compressed air. The tanks 
contain from 19.5% to 23.5% 
oxygen by volume. 

•v - 
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Graham's Law 
Suppose you open a perfume bottle in one corner of a room. At some point 

a person standing in the opposite corner will be able to smell the perfume. 

Molecules in the perfume evaporate and diffuse, or spread out, through the 

air in the room. Diffusion is the tendency of molecules to move toward 

areas of lower concentration until the concentration is uniform through¬ 

out. In Figure 14.18A, bromine vapor is diffusing through the air in a gradu¬ 

ated cylinder. The bromine vapor in the bottom of the cylinder has started 

to move upward toward the area where there is a lower concentration of 

bromine. In Figure 14.18B, the bromine has diffused almost to the top of 

the cylinder. If the process is allowed to continue, the bromine vapor will 

spill out of the cylinder. 

There is another process that involves the movement of molecules in a 

gas. This process is called effusion. During effusion, a gas escapes through 

a tiny hole in its container. With effusion and diffusion, the type of particle 

is important. Gases of lower molar mass diffuse and effuse faster 

than gases of higher molar mass. 

Thomas Graham's Contribution The Scottish chemist Thomas Graham 

studied rates of effusion during the 1840s. From his observations, he pro¬ 

posed a law. Graham's law of effusion states that the rate of effusion of a gas 

is inversely proportional to the square root of the gas’s molar mass. This lawT 

can also be applied to the diffusion of gases. 

Graham’s law makes sense if you know' how the mass, velocity, and 

kinetic energy of a moving object are related. The expression that relates 

the mass (m) and the velocity (v) of an object to its kinetic energy (KE) is 

KE = l/2mv2. For the kinetic energy to be constant, any increase in mass 

must be balanced by a decrease in velocity. For example, a ball with a mass 

of 2 g must travel at 5 m/s to have the same kinetic energy as a ball with a 

mass of 1 g traveling at 7 m/s. There is an important principle here. If two 

objects with different masses have the same kinetic energy, the lighter 

object must move faster. 

Word Origins 
Diffusion and effusion come 

from the Latin fundere mean¬ 

ing "to pour." They differ only 

in their prefixes. The prefix dis- 

means "apart.” The prefix ex¬ 

means "out." How do these 

prefixes help to contrast 

what happens to a gas dur¬ 

ing diffusion and effusion? 

Go inline 
-*a&sc/*s 

c 
For: Links on 

Diffusion/Effusion 
Visit: www.SciLinks.org 
Web Code: cdn-1144 

Figure 14.18 The diffusion of 
one substance through another 

is a relatively slow process. 
© Bromine vapor is diffusing 
upward through the air in a 

graduated cylinder. ©After 
several hours, bromine vapors 

are near the top of the cylinder. 
Predicting What will happen 
as the bromine continues to 

diffuse? 
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Figure 14.19 The character 

balloons used in parades are 
filled with helium gas so that 
they will float. 

Textbook 

Animation 18 Observe 
the processes of gas effusion 
and diffusion. 

_with ChemASAP 

Comparing Effusion Rates The balloon in Figure 14.19 is used in holi¬ 

day parades. It is filled with helium so that it will float above the crowd 

along the parade route. There is a drawback to using helium in a balloon. 

Both helium atoms and the molecules in air can pass freely through the 

tiny pores in a balloon. But a helium-filled balloon will deflate sooner than 

an air-filled balloon. Kinetic theory can explain this difference. 

If the balloons are at the same temperature, the particles in each bal¬ 

loon have the same average kinetic energy. But helium atoms are less mas¬ 

sive than oxygen or nitrogen molecules. So the molecules in air move more 

slowly than helium atoms with the same kinetic energy. Because the rate of 

effusion is related only to a particle’s speed, Graham’s law can be written as 

follows for two gases, A and B. 

RateA _ /molar massB 

RateB V molar massA 

The rates of effusion of two gases are inversely proportional to the 

square roots of their molar masses. You can use the expression to compare 

the rates of effusion of nitrogen (molar mass = 28.0 g) and helium (molar 

mass = 4.0 g). Helium effuses (and diffuses) nearly three times faster than 

nitrogen at the same temperature. 

RateHe 

RateN2 
/28.0 g 

V 4-0 g 
VYO = 2.7 

14.4 Section Assessment 

33. Key Concept In a mixture of gases, how is the 

total pressure determined? 

34. Key Concept What is the effect of molar mass 

on rates of diffusion and effusion? 

35. How is the partial pressure of a gas in a mixture 

calculated? 

36. What distinguishes effusion from diffusion? How 

are these processes similar? 

37. How can you compare the rates of effusion of two 

gases in a mixture? 

38. Explain why the rates of diffusion of nitrogen gas 

and carbon monoxide are almost identical at the 

same temperature. 

MSSSBSa^ Handbook 

Table 14.1 on page 432 and the Elements in the 

Atmosphere table on page R4 provide data on the 
composition of air. Look at the data included in 
each table. Identify two ways in which the tables 

are similar. Describe at least three differences. 

Textbook 

Assessment 14.4 Test yourself 
on the concepts in Section 14.4. 

> with ChemASAP 
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Diffusion 

Purpose 

To infer diffusion of a gas by observing color changes 

during chemical reactions. 

Materials 

• clear plastic cup or Petri dish 

• reaction surface 

• dropper bottles containing bromthymol blue, 

hydrochloric acid, and sodium hydrogen sulfite 

• ruler 

• cotton swab 

NaOH, NH4CI, Kl, and NaN02 (optional) 

Procedure ft Oil 
1. Use the plastic cup or Petri dish to draw the large circle 

shown below on a sheet of paper. 

2. Draw a series of pictures showing how one of the BTB 

drops might look over time if you could view the drop 

from the side. 

2. Place a reaction surface over the grid and add small 

drops of bromthymol blue (BTB) in the pattern shown 

by the small circles. Make sure the drops do not touch 

one another. 

3. Mix one drop each of hydrochloric acid (HCI) and 

sodium hydrogen sulfite (NaHS03) in the center of 

the pattern. 

4. Place the cup or Petri dish over the grid and observe 

what happens. 

5. If you plan to do You're The Chemist Activity 1, don't 

dispose of your materials yet. 

Analyze 
Using your experimental data, record the answers to the 

following questions below your data table. 

1. Describe in detail the changes you observed in the 

drops of BTB over time. Draw pictures to illustrate 

the changes. 

_ 

3. The BTB changed even though you added nothing to it. 

If the mixture in the center circle produced a gas, would 

this explain the change in the drops of BTB? Use kinetic 

theory to explain your answer. 

4. Translate the following word equation into a balanced 

chemical equation: Sodium hydrogen sulfite reacts 

with hydrochloric acid to produce sulfur dioxide gas, 

water, and sodium chloride. 

You're The Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Analyze It! Carefully absorb the center mixture of the 

original experiment onto a cotton swab and replace it 

with one drop of NaOH and one drop of NH4CI. 

Describe what happens and explain in terms of kinetic 

theory. Ammonium chloride reacts with sodium 

hydroxide to produce ammonia gas, water, and sodium : 

chloride. Write and balance a chemical equation to 

describe this reaction. 

2. Design It! Design an experiment to observe the effect ; 

of the size of the BTB drops on the rate at which they 

change. Explain your results in terms of kinetic theory. 

3. Analyze It! Repeat the original experiment, using Kl in , 

place of BTB and mixing sodium nitrite (NaN02) with 

hydrochloric acid at the center. Record your results. 

Write and balance an equation for the reaction. NaN02 ; 

reacts with HCI to produce nitrogen monoxide gas, 

water, sodium nitrate, and sodium chloride. 

.......... 
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CHAPTER 

Study Guide 

Key Concepts 

14.1 Properties of Gases 

• Gases are easily compressed because of the 
space between particles in a gas. 

• The amount of gas in), volume (V), and 
temperature (T) are factors that affect gas 
pressure (P). 

14.2 The Gas Laws 

• As the pressure of a gas increases, the 
volume decreases, if the temperature is 
constant. 

• As the temperature of an enclosed gas 
increases, the volume increases, if the 
pressure is constant. 

• As the temperature of an enclosed gas 
increases, the pressure increases, if the 
volume is constant. 

• The combined gas law allows you to do 
calculations for situations in which only 
the amount of gas is constant. 

14.3 Ideal Gases 

• To calculate the number of moles of a 
contained gas requires an expression that 
contains the variable n. 

• Real gases differ most from an ideal gas at 
low temperatures and high pressures. 

14.4 Gases: Mixtures and Movements 

• In a mixture of gases, the total pressure is the 
sum of the partial pressures of the gases. 

• Gases of lower molar mass diffuse and effuse 
faster than gases of higher molar mass. 

Vocabulary 

• Boyle’s law (p. 418) 

• Charles’s law (p. 420) 

• combined gas law (p. 424) 

• compressibility (p. 413) 

• Dalton’s law of partial 
pressures (p. 432) 

• diffusion (p. 435) 

• effusion (p. 435) 

• Gay-Lussac’s law’ (p. 422) 

• Graham’s law of effusion 
(p. 435) 

• ideal gas constant (p. 426) 

• ideal gas law (p. 426) 

• partial pressure (p. 432) 

Key Equations 

• Boyle’s law: P1mV1 = P2X V2 

• Charles’s law: Yl = Yl 
T, T2 

• Gay-Lussac’s law: s El 
T T 

• Combined gas law: ^ x = ^ x 
p T2 

• Ideal gas law: P x V ~ nx iix T or PV -- nRT 

• Dalton’s law: Ptotal = Px + P2 + P3 +... 

• Graham’s law: = /molar massB 
RateB A/ molar massA 

Organizing Information 

Use these terms to construct a concept 
map that organizes the major ideas of 
this chapter. 

Textbook 

Concept Map 14 Solve the 
Concept Map with the help of 
an interactive guided tutorial. 

«. ...with ChemASAP 
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CHAPTER 

14 Assessment 

Reviewing Content 

14.1 Properties of Gases 

39. What happens to the particles in a gas when the 

gas is compressed? 

40. Explain why heating a contained gas that is held 

at a constant volume increases its pressure. 

41. Describe what happens to the volume of a bal¬ 

loon when it is taken outside on a cold winter 

day. Explain why the observed change happens. 

42. A metal cylinder contains 1 mol of nitrogen gas. 

What will happen to the pressure if another mole 

of gas is added to the cylinder, but the tempera¬ 

ture and volume do not change? 

43. If a gas is compressed from 4 L to 1 L and the 

temperature remains constant, what happens to 

the pressure? 

44. Use the drawing to help explain why gas pressure 

decreases when gas is removed from a container 

with a fixed volume. 

200 kPa Decreasing Pressure 

14.2 The Gas Laws 

45. Write the mathematical equation for Charles’s 

law and explain the symbols. 

46. The gas in a closed container has a pressure of 

3.00 X 102 kPa at 30°C (303 K). What will the 

pressure be if the temperature is lowered to 

- 172°C (101 K)? 

47. Calculate the volume of a gas (in L) at a pressure 

of 1.00 X 102 kPaifits volume at 1.20 X 102kPais 

1.50 x 103 mL. 

48. A gas with a volume of 4.0 L at 90.0 kPa expands 

until the pressure drops to 20.0 kPa. What is its 

new volume if the temperature doesn’t change? 

49. A gas with a volume of 3.00 x 102 mL at 150.0°C 

is heated until its volume is 6.00 X 102 mL. What 

is the new temperature of the gas if the pressure 

remains constant during the heating process? 

50. Write the mathematical expression for the 

combined gas law. 

51. A sealed cylinder of gas contains nitrogen gas 

at 1.00 X 103 kPa pressure and a temperature 

of 20°C. When the cylinder is left in the sun, the 

temperature of the gas increases to 50°C. What 

is the new pressure in the cylinder? 

52. Show how Gay-Lussac’s law can be derived from 

the combined gas law. 

14.3 Ideal Gases 

53. Describe an ideal gas. 

54. Explain why it is impossible for an ideal gas 

to exist. 

55. What is the volume occupied by 1.24 mol of a 

gas at 35°C if the pressure is 96.2 kPa? 

56. What volume will 12.0 g of oxygen gas (02) 

occupy at 25°C and a pressure of 52.7 kPa? 

57. If 4.50 g of methane gas (CH4) is in a 2.00-L 

container at 35°C, what is the pressure in 

the container? 

58. A helium-filled weather balloon has a volume 

of 2.4 X 102 L at 99 kPa pressure and a tempera¬ 

ture of 0°C. What is the mass of the helium in 

the balloon? 

14.4 Gases: Mixtures and Movements 

59. In your own words, state Dalton’s law of 

partial pressure. 

60. Which gas effuses faster: hydrogen or chlorine? 

How much faster? 

61. Which gas effuses faster at the same tempera¬ 

ture: molecular oxygen or atomic argon? 

62. Calculate the ratio of the velocity of helium 

atoms to the velocity of neon atoms at the 

same temperature. 

63. Calculate the ratio of the velocity of helium 

atoms to the velocity of fluorine molecules at 

the same temperature. 
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Assessment continued 

Understanding Concepts 

64. How does kinetic theory explain the compress¬ 

ibility of gases? 

Use this description to answer Questions 65 and 66. 

A teacher adds 1 mL of water to an empty metal 

soda can. The teacher heats the can over a 

burner until the water boils and then quickly 

plunges the can upside down in an ice-water 

bath. The can immediately collapses inward as 

though crushed in a trash compactor. 

65. Use kinetic theory to explain why the can 

collapsed inward. 

66. If the experiment were done with a dry can, 

would the results be similar? Explain. 

67. Why do aerosol containers display the warning, 

“Do not incinerate”? 

68. The manufacturer of an aerosol deodorant 

packaged in a 150-mL container plans to pro¬ 

duce a container of the same size that will hold 

twice as much gas. How will the pressure of the 

gas in the new product compare with that of the 

gas in the original container? 

69. Why must Kelvin temperatures be used in 

calculations that involve gases? 

70. Explain how using a pressure cooker reduces the 

time required to cook food. 

71. The ratio of two variables is always a constant. 

What can you conclude about the relationship 

between the two variables? 

72. A 3.50-L gas sample at 20°C and a pressure of 

86.7 kPa expands to a volume of 8.00 L. The final 

pressure of the gas is 56.7 kPa. What is the final 

temperature of the gas, in degrees Celsius? 

73. Explain the reasons why real gases deviate from 

ideal behavior. 

74. How would the number of particles of two gases 

compare if their partial pressures in a container 

were identical? 

75. Why does a balloon filled with helium deflate 

more quickly than a balloon filled with air? 

76. A certain gas effuses four times as fast as oxygen 

(02). What is the molar mass of the gas? 

77. During an effusion experiment, a certain num¬ 

ber of moles of an unknown gas passed through 

a tiny hole in 75 seconds. Under the same condi¬ 

tions, the same number of moles of oxygen gas 

passed through the hole in 30 seconds. What is 

the molar mass of the unknown gas? 

78. The photograph shows a tube with cotton balls 

at each end. The cotton ball at the left was 

soaked with hydrochloric acid. The cotton ball 

on the right was soaked with a solution of 

ammonia. When these compounds react, they 

form a white solid, ammonium chloride. Based 

on the location of the ammonium chloride in the 

tube, which gas diffuses at a faster rate, hydrogen 

chloride or ammonia? Explain. 
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Critical Thinking Concept Challenge 

79. How does the vacuum in the flask used to store 

liquid nitrogen prevent heat transfer? 

80. Gases will diffuse from a region of higher con¬ 

centration to a region of lower concentration. 

Why don’t the gases in Earth’s atmosphere 

escape into the near-vacuum of space? 

81. What real gas comes closest to having the char¬ 

acteristics of an ideal gas? Explain your answer. 

82. Death Valley in California is at 86 m below sea 

level. Will the partial pressure of oxygen in Death 

Valley be the same, lower, or higher than the 

partial pressure of oxygen at sea level? Give a 

reason for your answer. 

83. The following reaction takes place in a sealed 

40.0-L container at a temperature of 120°C. 

4NH3(g) + 502(g)-> 4NO(g) + 6H20(g) 

a. When 34.0 g of NH3 reacts with 96.0 g of 02, 

what is the partial pressure of NO in the 

sealed container? 

b. What is the total pressure in the container? 

84. The graph shows the direct relationship between 

volume and temperature for three different gas 

samples. Offer at least one explanation for why 

the graphs are not identical for the three sam¬ 

ples. {Hint: What variables other than tempera¬ 

ture and volume can be used to describe a gas?) 

Volume vs. Temperature 
Data for Three Gases 

Temperature (°C) 

85. Oxygen is produced in the laboratory by heating 

potassium nitrate (KN03). The data table below 

gives the volume of oxygen produced at STP 

from different quantities of KNOs. Use the data 

to determine the mole ratio by which KN03 and 

02 react. 

Mass of KN03 (g) Volume of 02 (cL) 

0.84 9.3 

1.36 15.1 

2.77 30.7 

4.82 53.5 

6.96 77.3 

86. A mixture of ethyne gas (C2H2) and methane 

gas (CH4) occupied a certain volume at a total 

pressure of 16.8 kPa. When the sample burned, 

the products were C02 gas and H20 vapor. The 

C02 was collected and its pressure found to be 

25.2 kPa in the same volume and at the same 

temperature as the original mixture. What per¬ 

centage of the original mixture was methane? 

87. A 0.10-L container holds 3.0 x 1020 molecules of 

H2 at 100 kPa and 0°C. 

a. If the volume of a hydrogen molecule is 

6.7 X 10-24 mL, what percentage of the vol¬ 

ume of the gas is occupied by its molecules? 

b. If the pressure is increased to 100,000 kPa, the 

volume of the gas is 1 x 10~4 L. What fraction 

of the total volume do the hydrogen mol¬ 

ecules now occupy? 

88. Many gases that have small molecules, such as 

N2 and 02, have the expected molar volume of 

22.41 L at STP. However, other gases behave in a 

very non-ideal manner, even if extreme pres¬ 

sures and temperatures are not involved. The 

molar volumes of CH4, C02, and NH3 at STP are 

22.37 L, 22.26 L, and 22.06 L, respectively. 

Explain the reasons for these large departures 

from the ideal. 
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Assessment continued 

Cumulative Review 

89. What is the mathematical relationship between 

the Kelvin and Celsius temperature scales? 

(Chapter 3) 

90. A metal sample has a mass of 9.92 g and 

measures 4.5 cm X 1.3 cm x 1.6 mm. What is the 

density of the metal? (Chapter 3) 

91. How many electrons, protons, and neutrons are 

there in an atom of lead-206? (Chapter 4) 

92. Which element has the following electron 

configuration? (Chapter 5) 

Is 2s 2 p 3s 3 P 4s 3d 

u u u u Ti u U 

u u U 

u TI u 

T 

T 

93. Which of these elements are metals? (Chapter 6) 

a. arsenic b. tungsten c. xenon 

94. Which element is most likely to form a com¬ 

pound with strontium? (Chapter 7) 

a. neon b. tin c. selenium 

95. Which compound contains at least one double 

bond? (Chapter 8) 

a. H2Se b. S02 c. PC13 

96. Name each compound. (Chapter 9) 

a. SnBr2 b. BaS04 

c. Mg(OH)2 d. IF5 

97. An atom of lead has a mass 17.16 times greater 

than the mass of an atom of carbon-12. What is 

the molar mass of this isotope of lead? 

(Chapter 10) 

98. Calculate the molar mass of each substance. 

(Chapter 10) 

a. Ca(CH3C02)2 

b. H3P04 

c. C12H22On 

d. Pb(N03)2 

99. What is the significance of the volume 22.4 L? 

(Chapter 10) 

100. Calculate the molecular formula of each of the 

following compounds. (Chapter 10) 

a. The empirical formula is C2H40 and the 

molar mass is 88 g. 

b. The empirical formula is CH and the molar 

mass is 104 g. 

c. The molar mass is 90 g. The percent compo¬ 

sition is 26.7% C, 71.1% O, and 2.2% H. 

101. What type of reaction is each of the following? 

(Chapter 11) 

a. Calcium reacts with water to form calcium 

hydroxide and hydrogen gas. 

b. Mercury and oxygen are prepared by heating 

mercury(II) oxide. 

102. Write a balanced equation for each chemical 

reaction. (Chapter 12) 

a. Tetraphosphorus decoxide reacts with water 

to form phosphoric acid. 

b. Aluminum hydroxide and hydrogen sulfide 

form when aluminum sulfide reacts with 

water. 

103. Calculate the percent composition of 

2-propanol (C3H7OH). (Chapter 12) 

104. Aluminum oxide is formed from its elements. 

(Chapter 12) 

Al(s) + 02(g)-> A1203(s) 

a. Balance the equation. 

b. How many grams of each reactant are 

needed to form 583 g Al203(s)? 

105. Explain why a gas expands until it takes the 

shape and volume of its container. (Chapter 13) 

106. Use the drawings to explain how gas pressure is 

produced. (Chapter 13) 

Container 
wall 
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Standardized Test Prep 

Test-Taking Tip 

Constructing a Diagram You may be asked to 

draw a diagram or make changes to an existing 

drawing. Sketch lightly at first so you can erase 

easily if you need to, or do a sketch on a separate 

piece of paper. Once you are sure of your answer, 

draw the final diagram. 

Select the choice that best answers each question or 

completes each statement. 

1. A gas in a balloon at constant pressure has a 

volume of 120.0 mL at - 123°C. What is its vol¬ 

ume at 27.0°C? 

a. 60.0 mL b. 240.0 mL 

c. 26.5 mL d. 546 mL 

2. If the Kelvin temperature of a gas is tripled and 

the volume is doubled, the new pressure will be 

a. 1/6 the original pressure. 

b. 2/3 the original pressure. 

c. 3/2 the original pressure. 

d. 5 times the original pressure. 

3. Which of these gases effuses fastest? 

a. Cl2 b. N02 c. NH3 d. N2 

4. All the oxygen gas from a 10.0-L container at 

a pressure of 202 kPa is added to a 20.0-L 

container of hydrogen at a pressure of 505 kPa. 

After the transfer, what are the partial pressures 

of oxygen and hydrogen? 

a. Oxygen is 101 kPa; hydrogen is 505 kPa. 

b. Oxygen is 202 kPa; hydrogen is 505 kPa. 

c. Oxygen is 101 kPa; hydrogen is 253 kPa. 

d. Oxygen is 202 kPa; hydrogen is 253 kPa. 

5. Which of the following changes would increase 

the pressure of a gas in a closed container? 

I. Part of the gas is removed. 

II. The container size is decreased. 

III. Temperature is increased. 

a. I and II only 

b. II and III only 

c. I and III only 

d. I, II, and III 

6. A real gas behaves most nearly like an ideal gas 

a. at high pressure and low temperature. 

b. at low pressure and high temperature. 

c. at low pressure and low temperature. 

d. at high pressure and high temperature. 

Use the graphs to answer Questions 7-10. A graph 

may be used once, more than once, or not at all. 

Which graph shows each of the following? 

7. directly proportional relationship 

8. graph with slope = 0 

9. inversely proportional relationship 

10. graph with a constant slope 

Use the drawing to answer Questions 11 and 12. 

11. Bulb A and bulb C contain different gases. 

Bulb B contains no gas. If the valves between 

the bulbs are opened, how will the particles 

of gas be distributed when the system reaches 

equilibrium? Assume none of the particles 

are in the tubes that connect the bulbs. 

12. Make a three-bulb drawing with 6 blue spheres 

in bulb A, 9 green spheres in bulb B, and 12 red 

spheres in bulb C. Then draw the setup to repre¬ 

sent the distribution of gases after the valves are 

opened and the system reaches equilibrium. 
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5. You may wish to repeat this activity with 

squares of aluminum foil, clear wrap, and writing 

paper. 

Think About It 
1. What do you observe when you drop water onto 

the waxed paper surface? 

2. What do you observe when you use diluted deter¬ 

gent instead of water? 

3. Use your results to suggest how the detergent 

may have changed the physical properties of 

water. 

La — 

■ 

Water is an amazing 

liquid that makes 

plant and animal life 

on Earth possible. 

Observing Surface Tension 

Materials 
waxed paper, ruler, teaspoon, tap water, cup, liquid 

dish detergent 

Procedure 

1. Place a 15-cm square of waxed paper on a flat 

surface. 

2. Drop 1/3 teaspoon ofwaterfrom a height of about 

20 cm onto the center of the paper. 

3. Add 1 drop of detergent to 1/2 cup of water and stir. 

4. Repeat Steps 1 and 2 using the diluted detergent 

in place of water. 



Water and Its Properties 

Connecting to Your World . n . . 
^ In December of 1968, when 

the Apollo 8 astronauts first saw their home planet from a distance of 

thousands of kilometers, they affectionately called it the big blue 

marble. Water covers about three-quarters 

of Earth's surface. In addition to making 

up Earth's oceans, water forms the 

polar ice caps and cycles through the 

atmosphere. All life forms that are 

known to exist are made mostly of 

water. In this section, you will learn 

about the properties of water and 

what makes this unique substance 

essential to life on Earth. 

Guide for Reading 

Key Concepts 
• How can you account for the 

high surface tension and low 

vapor pressure of water? 

• How would you describe the 

structure of ice? 

Vocabulary 
surface tension 

surfactant 

Reading Strategy 
Monitoring Your Understanding 

Before you read, list what you 

already know about water and 

aqueous systems. After you read, 

write what you have learned. Is 

what you already knew correct? If 

not, how do you need to revise 

that information? 

Water in the Liquid State 
When you turn on the faucet, you expect that water will stream out to sup¬ 

ply all your needs. You couldn’t live without water, nor could all the plants 

and animals, like those in Figure 15.1 that share space on the “big blue mar¬ 

ble.” Besides the water visible on Earth’s surface, immense reserves of water 

exist deep underground. Water in the form of ice and snow dominates the I polar regions of Earth. Icebergs drift in the oceans, and snow blankets the 

temperate zones in winter. Water vapor from the evaporation of surface 

water and from steam spouted from geysers and volcanoes is always 

present in Earth’s atmosphere. 

Figure 15.1 Water is vital to life. 
Animals that live on the grass¬ 

lands depend on watering holes, 
such as the one shown here. 
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Figure 15.2 In a water molecule, 
the bond polarities are equal, but 

the two poles do not cancel each 
other because a water molecule 

is bent. The molecule as a whole 
is polar. Applying Concepts 

Which element in water has the 
higher electronegativity? 

Polar bonds Molecule has net polarity. 

» 

2lW(iEP®(gUDW(J 
'Textbook 

Animation 19 See how 
hydrogen bonding results 
in the unique properties 
of water. 

with ChemASAP 

Recall that water is a simple triatomic molecule, H20. The oxygen atom 

forms a covalent bond with each of the hydrogen atoms. Because of its 

greater electronegativity, oxygen attracts the electron pair of the covalent 

O—H bond to a greater extent than hydrogen. As a result, the oxygen atom 

acquires a partial negative charge (8-). The less electronegative hydrogen 

atoms acquire partial positive charges (8+). Thus, the O—H bonds are 

highly polar. How do the polarities of the two 0—H bonds affect the polar¬ 

ity of the molecule? The shape of the molecule is the determining factor. 

The bond angle of the water molecule is approximately 105°, which gives 

the molecule a bent shape. The two O—H bond polarities do not cancel, so 

the water molecule as a whole is polar. The net polarity of the water mol¬ 

ecule is illustrated in Figure 15.2. 

In general, polar molecules are attracted to one another by dipole 

interactions. The negative end of one molecule attracts the positive end 

of another molecule. Figure 15.3 shows how this intermolecular attrac¬ 

tion among water molecules results in the formation of hydrogen bonds. 

Many unique and important properties of water—including its high 

surface tension and low vapor pressure—result from hydrogen bonding. 

Figure 15.3 The polarity of 
the water molecule results in 
hydrogen bonding. 0 Partial 

negative charges are on each 
oxygen atom; partial positive 

charges are on the hydrogen 
atom. © Because of polarity, 

hydrogen bonds form. 
Inferring To form a hydrogen 

bond, what must be true about 
the hydrogen and the element 
to which it is hydrogen bonded? 

© 
Hydrogen 
bond 

X *X 9 ■ 

Liquid water 

Side view 

t 
j 

End view 
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Figure 15.4 Surface tension 

makes it possible for some 
insects, such as this water strider, 
to walk on water. Water 

molecules at the surface of the 
water drop above cannot form 
hydrogen bonds with air 

molecules, so they are drawn into 

the body of the liquid, producing 
surface tension. 

Surface Tension Have you ever seen a glass so filled with water that the 

water surface is not flat but bulges above the rim? Or have you noticed that 

water forms nearly spherical droplets at the end of a medicine dropper or 

when sprayed on a greasy surface? The surface of water acts like a skin, as 

the water strider shown in Figure 15.4 demonstrates. This skinlike property 

of water’s surface is explained by water’s ability to form hydrogen bonds. 

The molecules within the body of the liquid form hydrogen bonds with 

other molecules that surround them on all sides. The attractive forces on 

each of these molecules are balanced. However, water molecules at the sur¬ 

face of the liquid experience an unbalanced attraction. You can see in Fig¬ 

ure 15.4 that the water molecules are hydrogen-bonded on only one side of 

the drop. As a result, water molecules at the surface tend to be drawn 

inward. The inward force, or pull, that tends to minimize the surface area of 

a liquid is called surface tension. 

All liquids have a surface tension, but water’s surface tension is higher 

than most. The surface tension of water tends to hold a drop of liquid in a 

spherical shape. The drop is not a perfect sphere because the force of grav¬ 

ity tends to pull it down, causing it to flatten. This is why, on some surfaces, 

water tends to bead up rather than spread out. It is possible to decrease the 

surface tension of water by adding a surfactant. A surfactant is any sub¬ 

stance that interferes with the hydrogen bonding between water molecules 

and thereby reduces surface tension. Soaps and detergents are surfactants. 

Adding a detergent to beads of water on a greasy surface reduces surface 

tension, causing the beads of water to collapse and spread out. 

Textbook 
Animation 20 
Discover how some insects 
can walk on water. 

with ChemASAP 

Vapor Pressure Hydrogen bonding between water molecules also 

explains water’s unusually low vapor pressure. Remember that the vapor 

pressure of a liquid is the result of molecules escaping from the surface of 

the liquid and entering the vapor phase. Because hydrogen bonds hold water 

molecules to one another, the tendency of these molecules to escape is low 

and evaporation is slow. Imagine what would happen if it were not. All the 

lakes and oceans, with their large surface areas, would tend to evaporate! 

(^Checkpoint) What is surface tension? 
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Surfactants 

Purpose 
To observe an unusual 

surface property of water 

that results from hydrogen 

bonding. 

Materials 
• shallow dish or Petri dish 

• water 

Procedure 
1. Thoroughly clean and dry the dish. 

2. Fill the dish almost full with water. 

Dry your hands. 

3. Being careful not to break the surface, 

gently place the paper clip on the 

water. Observe what happens. 

4. Repeat Steps 1 and 2. 

Analyze and Conclude 
1. What happened to the paper clip in 

Step 3? Why? 

• paperclip 

• rubber band, 
approximately 5 cm in 
diameter 

• micropipets or droppers 
(2) 

• vegetable oil 

• liquid dish detergent 

<_ 

5. Gently place the open rubber band 

on the water. 

6. Slowly add oil drop by drop onto 

the water encircled by the rubber 

band until that water is covered with 

a layer of oil. Observe for 15 seconds. 

7. Allow one drop of dish detergent to 

fall onto the center of the oil layer. 

Observe the system for 15 seconds. 

2. If a paper clip becomes wet, does it 

float? Explain your answer. 

3. What shape did the rubber band 

take when the water inside it was 

covered with oil? Why did it take 

the observed shape? 

4. Describe what happened when dish 

detergent was dropped onto the 

layer of oil. 

r Table 15.1 ^ 

Density of Liquid Water 
and Ice 

Temperature 
(°C) 

Density 
(g/cm3) 

100 (liquid water) 0.9584 

50 0.9881 

25 0.9971 

10 0.9997 

4 1.000* 

0 (liquid water) 0.9998 

0 (ice) 0.9168 

*Most dense 

Water in the Solid State 
You have seen that water in the liquid state exhibits some unique proper¬ 

ties. The same is true for water in the solid state. For example, ice cubes 

float in your glass of iced tea because solid water has a lower density than 

liquid water. This is not usual for liquids. As a typical liquid cools, it begins 

to contract and its density increases gradually. Increasing density means 

that the molecules of the liquid move closer together so that a given volume 

of the liquid contains more molecules and thus more mass. If the cooling 

continues, the liquid eventually solidifies with a density greater than the 

density of the liquid. Because the density of a typical solid is greater than 

that of the corresponding liquid, the solid sinks in its own liquid. 

As water begins to cool, it behaves initially like a typical liquid. It con¬ 

tracts slightly and its density gradually increases, as shown in Table 15.1. 

Notice that at 4°C, the density of water is at its maximum of 1.000 g/cm3. 

When the temperature of the water falls below 4°C, the density of water 

actually starts to decrease. Below 4°C, water no longer behaves like a typi¬ 

cal liquid. Ice, which forms at 0°C, has about a 10 percent lower density 

than water at 0°C. You may have noticed that ice begins to form at the sur¬ 

face of a pond when the temperature reaches 0°C, but the ice does not sink. 

It floats at the surface, making ice skating and ice fishing possible. Ice is 

one of only a few solids that float in their own liquid. 

(^Checkpoint) At what temperature does water have its maximum density? 
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Why is ice less dense than liquid water? As you can see in Figure 15.5, 

hydrogen bonds hold the water molecules in place in the solid phase. 

The structure of ice is a regular open framework of water molecules 

arranged like a honeycomb. When ice melts, the framework collapses and 

the water molecules pack closer together, making liquid water more dense 

than ice. 

The fact that ice floats has important consequences for organisms. A 

layer of ice on the top of a pond acts as an insulator for the water beneath, 

preventing it from freezing solid except under extreme conditions. Because 

the liquid water at the bottom of an otherwise frozen pond is warmer than 

0°C, fish and other aquatic life are better able to survive. If ice were denser 

than liquid water, bodies of water would tend to freeze solid during the 

winter months, destroying many types of organisms. 

Ice melts at 0°C. This is a high melting temperature for a molecule with 

such a low molar mass. A considerable amount of energy is required to 

return water molecules in the solid state to the liquid state. The heat 

absorbed when 1 g of water changes from a solid to a liquid is 334 J. This 

same amount of energy is needed to raise the temperature of 1 g of liquid 

water from 0°C to 80°C. 

Figure 15.5 Extensive hydrogen 

bonding in ice holds the water 
molecules farther apart in a more 

ordered arrangement than in 
liquid water. The hexagonal 

symmetry of a snowflake reflects 
the structure of the ice crystal. 

15.1 Section Assessment 

1. Key Concept What causes the high surface 

tension and low vapor pressure of water? 

2. Key Concept Flow would you describe the 

structure of ice? 

3. What effect does a surfactant have on the surface 

tension of water? 

4. What are two factors that determine how spheri¬ 

cal a drop of a liquid will be? 

5. The molecules water (H20) and methane (CH4) 

have similar masses, but methane changes from a 

gas to a liquid at -161°C. Water becomes a gas at 

100°C. What could account for the difference? 

Writing Activity 

Short Story Use your imagination to write a short 

children's story about a water strider whose "magic" 
ability to walk on water saved him from a predator 

bird. For your young readers, be sure to include an 
explanation of the life-saving magic. 

ractivo 
Textbook 

Assessment 15.1 Test yourself 
on the concepts in Section 15.1. 

-with ChemASAP 
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Homogeneous Aqueous Systems 

Guide for Reading 

Key Concepts 
• What is the difference between 

a solvent and a solute? 

• What happens in the solution 

process? 

• Why are all ionic compounds 

electrolytes? 

• How do you write the formula 

for a hydrate? 

Vocabulary 
aqueous solution 

solvent 

solute 

solvation 

electrolyte 

nonelectrolyte 

strong electrolyte 

weak electrolyte 

hydrate 

Reading Strategy 
Relating Text and Visuals As 

you read, look carefully at Figure 

15.7. In your notebook, explain in 

your own words how this illustra¬ 

tion helps clarify the process of 

solvation. 

Connecting to Your World |s it possible t0 read by the ligbt 

of a glowing pickle? Although it sounds absurd, an ordinary dill pickle 

from the deli can be a source of light! Iron or 

copper electrodes are inserted into the ends 

of the pickle and connected to a source of 

alternating electric current. After a time, 

during which the pickle becomes hot 

and produces water vapor, the pickle 

begins to glow.The mechanism by 

which the light is generated is not fully 

understood, but it is clear that conduction 

of electricity by the pickle is an important 

factor. In this section you will learn what kind of 

solution conducts electricity. 

Solvents and Solutes 
Water dissolves so many of the substances that it comes in contact with 

that you won’t find chemically pure water in nature. Even the tap water you 

drink is a solution that contains varying amounts of dissolved minerals and 

gases. An aqueous solution is water that contains dissolved substances. In a 

solution, the dissolving medium is the solvent, and the dissolved particles 

are the solute. <T^ A solvent dissolves the solute. The solute becomes dis¬ 

persed in the solvent. Solvents and solutes may be gases, liquids, or solids. 

Recall that solutions are homogeneous mixtures. They are also stable 

mixtures. For example, sodium chloride does not settle out when its solu¬ 

tions are allowed to stand, provided other conditions, such as temperature, 

remain constant. Solute particles can be atoms, ions, or molecules, and 

their average diameters are usually less than 1 nm (10 9 m). Therefore, if 

you filter a solution through filter paper, both the solute and the solvent 

pass through the filter, as Figure 15.6 shows. 

Substances that dissolve most readily in water include ionic com¬ 

pounds and polar covalent molecules. Nonpolar covalent molecules, such 

as methane, and compounds found in oil, grease, and gasoline, do not dis¬ 

solve in water. However, oil and grease will dissolve in gasoline. To under¬ 

stand this difference, you must know more about the structures of the 

solvent and the solute and what attractions exist between them. 

Figure 15.6 A solution cannot be separa¬ 

ted by filtration. The small size of the solute 
particles allows them to pass through filter 
paper. 
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Surface of ionic solid 

The Solution Process 
Water molecules are in continuous motion because of their kinetic energy. 

When a crystal of sodium chloride is placed in water, the water molecules 

collide with it. Remember that a water molecule is polar, with a partial neg¬ 

ative charge on the oxygen atom and partial positive charges on the hydro¬ 

gen atoms. The polar solvent molecules (H20) attract the solute ions (Na+, 

Cl-). As individual solute ions break away from the crystal, the nega¬ 

tively and positively charged ions become surrounded by solvent molecules 

and the ionic crystal dissolves. The process by which the positive and nega¬ 

tive ions of an ionic solid become surrounded by solvent molecules is 

called solvation. Figure 15.7 shows a model of the solvation of an ionic solid 

such as sodium chloride. 

In some ionic compounds, the attractions among the ions in the crys¬ 

tals are stronger than the attractions exerted by water. These compounds 

cannot be solvated to any significant extent and are therefore nearly insol¬ 

uble. Barium sulfate (BaS04) and calcium carbonate (CaC03) are examples 

of nearly insoluble ionic compounds. 

Figure 15.8 shows that oil and water do not mix. But what about oil in 

gasoline? Both oil and gasoline are composed of nonpolar molecules. The 

attractive forces that hold two oil molecules together are similar in magni¬ 

tude to the forces that hold two gasoline molecules together. Oil molecules 

can easily separate and replace gasoline molecules to form a solution. As a 

rule, polar solvents such as water dissolve ionic compounds and polar 

compounds; nonpolar solvents such as gasoline dissolve nonpolar com¬ 

pounds. This relationship can be summed up in the expression “like dis¬ 

solves like.” 

(^Checkpoint) What is meant by solvation? 

Figure 15.8 Oil and water do not mix. 
Oil is less dense than water, so it floats on 

top. The colors result from the bending 
of light rays by the thin film of oil. 

Figure 15.7 When an ionic solid 

dissolves, the ions become 

solvated or surrounded by solvent 

molecules. Inferring Why do the 

water molecules orient them¬ 
selves differently around the 

anions and the cations? 

itei 
Textbook 

Simulation 18 Explore 
the nature of solute- 
solvent interactions. 

•-with ChemASAP 
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Wastewater Engineer 
Wastewater must be physically 

and chemically treated before it is 

returned to the environment or 

recycled for human use. A waste- 

water engineer is responsible for 

monitoring this process. These 

engineers control the amount of 

water treated, the level of treat¬ 

ment, and the quality of water 

produced. When water is received 

at a treatment plant, a wastewater 

engineer oversees primary treat¬ 

ment that involves filtering the 

water for solids and debris. The 

engineer then adds microorgan¬ 

isms to the water that convert the 

remaining dissolved organic 

matter into solids that can be 

removed as sludge. If this water 

is to be released into a river or 

stream, the engineer then tests 

the water for levels of remaining 

organic compounds. If amounts 

of these compounds fall below 

recommended levels, the water is 

safe to be released. 

Production of drinking water 

often requires additional steps. 

The engineer must test the water 

for nitrogen and phosphorus 

compounds that wo uld need to be 

removed. The engineer then dis¬ 

infects the water using chlorine, 

ozone, or other disinfectants, and 

might add fluoride to strengthen 

consumers’ teeth. 

Interpreting the results of 

tests requires experience and an 

understanding of the entire 

chemical, and often biological, 

environment. Wastewater engi¬ 

neers usually have a degree in 

engineering. They must take 

courses in water toxicology, 

organic chemistry, and environ¬ 

mental biology. 

C Go inline 
-PHSchool.com 

For: Careers in Chemistry 

Visit: PHSchool.com 

Web Code: cdb-1152 

Electrolytes and Nonelectrolytes 
Remember the glowing pickle that you read about in Connecting to Your 

World? The pickle contained an electrolyte. An electrolyte is a compound 

that conducts an electric current when it is in an aqueous solution or in the 

molten state. Conduction of electricity requires ions that are mobile and 

thus able to carry an electrical current, All ionic compounds are elec¬ 

trolytes because they dissociate into ions. Sodium chloride, copper(II) sul¬ 

fate, and sodium hydroxide are typical water-soluble electrolytes. Barium 

sulfate is an ionic compound that cannot conduct electricity in aqueous 

solution because it is insoluble, but it can conduct in the molten state. 

A compound that does not conduct an electric current in either aque¬ 

ous solution or the molten state is called a nonelectrolyte. Many molecular 

compounds are nonelectrolytes because they are not composed of ions. 

Most compounds of carbon, such as table sugar (sucrose) and the alcohol 

in rubbing alcohol (2-propanol), are nonelectrolytes. 

(^Checkpoint) How do electrolytes and nonelectrolytes differ? 
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Some polar molecular compounds are nonelectrolytes in the pure 

state, but become electrolytes when they dissolve in water. This occurs 

because such compounds ionize in solution. For example, neither ammo¬ 

nia (NH3(g)) nor hydrogen chloride (HCl(g)) is an electrolyte in the pure 

state. Yet an aqueous solution of ammonia conducts electricity because 

ammonium ions (NH4+) and hydroxide ions (OH ) form when ammonia 
dissolves in water. 

NH3(g) + H20(Z)-»NH4+(a<7) + OH [aq] 

Similarly, in aqueous solution, hydrogen chloride produces hydronium 

ions (H30+) and chloride ions (Cl"). An aqueous solution of hydrogen chlo¬ 

ride conducts electricity and is therefore an electrolyte. 

HCl(g)+ H20(Z)->H30+{aq) + C\~{aq) 

Not all electrolytes conduct an electric current to the same degree. In 

the simple conductivity test shown in Figure 15.9, a bulb glows brightly 

when electrodes attached to it are immersed in a sodium chloride solution. 

The bright glow shows that sodium chloride is a strong electrolyte because 

nearly all the dissolved sodium chloride exists as separate Na+ and Cl" 

ions. The ions move in solution and conduct an electric current. Most solu¬ 

ble salts, inorganic acids, and inorganic bases are strong electrolytes. 

The bulb glows dimly when the electrodes are immersed in a mer- 

cury(II) chloride solution because mercury(II) chloride is a weak electro¬ 

lyte. A weak electrolyte conducts electricity poorly because only a fraction 

of the solute in the solution exists as ions. Other weak electrolytes are 

ammonia (NH3) and organic acids and bases. In a solution of glucose, the 

bulb does not glow. Glucose (C6H1206) is a molecular compound. It does 

not form ions, so it is a nonelectrolyte. 

(V; Checkpoint) Name an electrolyte and a nonelectrolyte. 

Textbook 
Simulation 19 Simulate 
the behavior of electrolytes 
and nonelectrolytes in a 
circuit and at the atomic level. 

> with ChemASAP 

Figure 15.9 A solution conducts 

electricity if it contains ions. 
Q Sodium chloride, a strong 

electrolyte, is nearly 100% 
dissociated into ions in water. 

© Mercury(ll) chloride, a weak 

electrolyte, is only partially 
dissociated in water. Q Glucose, 
a nonelectrolyte, does not 

dissociate in water. 

<- -> 

To ( + ) To (-) 
electrode electrode 

<- -> 

To ( + ) To (-) 
electrode electrode 

<- -> 

To ( + ) To ( —) 
electrode electrode 
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Figure 15.10 Water can be driven 

from a hydrate by heating. 
0 Heating of a sample of blue 
CuS04-5H20 begins. © After a 
time, much of the blue hydrate 
has been converted to white 

anhydrous CuS04. 

Hydrates 
When an aqueous solution of copper(II) sulfate is allowed to evaporate, 

deep-blue crystals of copper(II) sulfate pentahydrate are deposited. The 

chemical formula for this compound is CuS04 • 5H20. Water molecules are an 

integral part of the crystal structure of copper(II) sulfate pentahydrate and 

many other substances. The water contained in a crystal is called the water 

of hydration or water of crystallization. A compound that contains water of 

hydration is called a hydrate. In writing the formula of a hydrate, use a 

dot to connect the formula of the compound and the number of water 

molecules per formula unit. Crystals of copper(II) sulfate pentahydrate 

always contain five molecules of water for each copper and sulfate ion pair. 

The deep-blue crystals are dry to the touch. They are unchanged in compo¬ 

sition or appearance in normally moist air. But when heated above 100°C, 

the crystals lose their water of hydration. Figure 15.10 shows how the blue 

crystals of CuS04-5H20 crumble to a white anhydrous powder that has the 

formula CuS04. If anhydrous copper(II) sulfate is treated with water, the 

blue pentahydrate is regenerated. 

+heat 
CuS04-5H20(s) —- CuS04(5) + 5H20(g) 

Another compound that changes color in the presence of moisture is 

cobalt(II) chloride. A piece of filter paper that has been dipped in an aque¬ 

ous solution of cobalt(II) chloride and then dried is blue in color (anhy¬ 

drous CoCl2). But as you can see in Figure 15.11, when the paper is exposed 

to moist air, it turns pink because of the formation of the hydrate cobalt(II) 

chloride hexahydrate (CoC12-6H20). The blue paper could be used to test 

for the presence of water. 

Some familiar hydrates are listed in Table 15.2 and shown in Figure 15.12. 

Each one contains a fixed quantity of water and has a definite composition. 

Figure 15.11 Paper treated with anhydrous 
cobalt(ll) chloride is blue. In the presence of 

moisture the paper turns pink. Inferring 
How could you change the pink paper back 
to blue? 
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Table 15.2 

Some Common Hydrates 

Formula Chemical name Common name 

MgS04-7H20 magnesium sulfate heptahydrate Epsom salt 

Ba(0H)2-8H20 barium hydroxide octahydrate 

CaCI2-2H20 calcium chloride dihydrate 

CuS04-5H20 copper(ll) sulfate pentahydrate blue vitriol 

Na2SO4-10H2O sodium sulfate decahydrate Glauber's salt 

KAI(S04)2-12H20 potassium aluminum sulfate 
dodecahydrate 

alum r 
Na2B4Ov- 10H2O sodium tetraborate decahydrate borax H 
FeS04-7H20 iron(ll) sulfate heptahydrate green vitriol m 
h2so4h2o sulfuric acid hydrate (mp 8.6°C) ! 

Efflorescent Hydrates The forces holding the water molecules in 

hydrates are not very strong, so the water is easily lost and regained. 

Because the water molecules are held by weak forces, hydrates often have 

an appreciable vapor pressure. If a hydrate has a vapor pressure higher 

than the pressure of water vapor in the air, the hydrate will lose its water of 

hydration or effloresce. For example, CuS04-5H20 has a vapor pressure of 

about 1.0 kPa at room temperature. The average pressure of water vapor at 

room temperature is about 1.3 kPa. Copper(II) sulfate pentahydrate is sta¬ 

ble until the humidity decreases. When the vapor pressure drops below 

1.0 kPa, the hydrate effloresces. Washing soda, or sodium carbonate decahy- 

drate (Na2CO3-10H2O), is efflorescent. As the crystals lose water of hydra¬ 

tion, they effloresce and become coated with a white powder of anhydrous 

sodium carbonate (Na2C03). 

Hygroscopic Hydrates Hydrated salts that have a low vapor pressure 

remove water from moist air to form higher hydrates. These hydrates and 

other compounds that remove moisture from air are called hygroscopic. 

For example, calcium chloride monohydrate spontaneously absorbs a sec¬ 

ond molecule of water when exposed to moist air. 

CaCl2-H20(s) 
moist air 

CaCl2-2H20(s) 

Calcium chloride is used as a desiccant in the laboratory. A desiccant is a 

substance used to absorb moisture from the air and create a dry atmo¬ 

sphere. For example, anhydrous CaCl2 can be placed in the bottom of a 

tightly sealed container called a desiccator. Substances that must be kept 

dry are stored inside. A solid desiccant such as calcium sulfate (CaS04) can 

also be added to a liquid solvent to keep it dry. A bottle labeled “dry etha¬ 

nol” may have solid calcium sulfate at the bottom. The calcium sulfate does 

not dissolve appreciably in the solvent but absorbs water from the ethanol 

and keeps it dry. When a desiccant has absorbed all the water it can hold, 

the salt can be returned to its anhydrous state by heating. 

(^Checkpoint) What is a hygroscopic hydrate? 

Figure 15.12 Epsom salts can be 

used as a mild laxative. Borax is a 
strong cleaner, water softener, 

and fireproofing agent. 
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Suppose you are measuring a mass of Na2C03 for a chemical reaction. 

You want to use the hydrate of the compound because it is less expensive 

than the anhydrous compound. To determine what percent of the hydrate 

is water, first determine the mass of the number of moles of water in one 

mole of hydrate. Then determine the total mass of the hydrate. The percent 

by mass of water can be calculated using this equation. 

percent HzO 
mass of water 

mass of hydrate 
X 100% 

Handbook 

For help with percents go 
to page R72. 

Textbook 

SAMPLE PROBLEM 15.1 

Finding the Percent of Water in a Hydrate 

Calculate the percent by mass of water in washing soda, sodium car¬ 

bonate decahydrate (Na2CO3T0H2O). 

Analyze List the known and the unknown. 

Known Unknown 

• Formula of hydrate = Na2C03- 10H2O • percent H20 = ? % 

To determine the percent by mass, determine the mass of 10 moles of 

water and the mass of one mole of the hydrated compound. Substitute 

these values into the following equation and solve. 

mass of water 
Percent H,0 = , , 

2 mass of hydrate 
x 100% 

tlffi Calculate Solve for the unknown. 

mass of 10 moles H20 = 180 g 

molar mass of Na2CO3T0H2O = 286.0 g 

1.80 x 102g 
percent H20 

286.0 g 
X 100% = 62.9% 

..•3' Evaluate Does the result make sense? 

Because the mass of the water accounts for more than half the molar 

mass of the compound, a percentage greater than 50% should be 

expected. The answer should have three significant figures. 

Practice Problems 

Problem-Solving 15.6 
Solve Problem 6 with the help of 
an interactive guided tutorial. 

>-with ChemASAP 

6. What is the percent by mass 

of water in CuS04-5H20? 

7. Calculate the percent by mass 

of water in calcium chloride 

hexahydrate (CaCl2-6H20). 

If you need 5.00 g of anyhydrous Na2C03 for your reaction, how 

many grams of Na2CO3-10H2O could you use instead? You know now 

that 62.9% of the hydrate is water, so 37.1 g out of every 100 g is Na2C03 

(100.0 g - 62.9 g = 37.1 g). Calculate how much hydrate you need as follows. 

(100 g Na2COylOH?0) 
5.00 .g^CO^ X-37J gWIefT, = 13'5 § Na2CO3-10H2O 
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Figure 15.13 Deliquescent 
substances can remove water 

from the air. © Sodium hydrox¬ 

ide pellets absorb moisture from 

the air. © Eventually a solution 
is formed. Applying Concepts 
Identify the solvent and the 

solute. 

Deliquescent Compounds Have you ever noticed the small packets of 

silica gel that are often packaged with electronic equipment and leather 

goods? Although the structure of silica gel is not the same as a hydrated salt, 

it is a hygroscopic substance used to absorb moisture from the air to pre¬ 

vent damage to sensitive equipment and materials. Some compounds are 

so hygroscopic that they become wet when exposed to normally moist air. 

These compounds are deliquescent, which means that they remove suffi¬ 

cient water from the air to dissolve completely and form solutions. Figure 

15.13 shows that pellets of sodium hydroxide are deliquescent. For this rea¬ 

son, containers of NaOH and other chemicals should always be tightly 

stoppered and the chemicals should never be touched by fingers. The solu¬ 

tion formed by a deliquescent substance has a lower vapor pressure than 

that of the water in the air. 

C Go inline 
—<sbsc/;«5 

For: Links on Deliquescent 
Compounds 

Visit: www.SciLinks.org 
Web Code: cdn-1152 

J 15.2 Section Assessment 

8. Key Concept In the formation of a solution, 

how does the solvent differ from the solute? 

9. <T^ Key Concept Describe what happens to the 

solute and the solvent when an ionic compound 

dissolves in water. 

10. Key Concept Why are all ionic compounds 

electrolytes? 

11. Key Concept How do you write the formula 

for a hydrate? 

12. Which of the following substances dissolve to a 

significant extent in water? Explain your answer 

in terms of polarity. 

a. CH4 b. KC1 c. He 

d. MgS04 e. Sucrose f. NaHC03 

13. Identify the solvent and the solute in vinegar, a 

dilute aqueous solution of acetic acid. 

14. Distingdish between efflorescent and hygroscopic 

substances. 

15. Calculate the percent by mass of water in magne¬ 

sium sulfate heptahydrate (MgS04-7H20). 

Connecting x Concepts 

Percent Composition Review Sample Problem 
10.10 in Chapter 10 and compare it with Sample 

Problem 15.1. How are the procedures the same? Is 
the percent of copper in CuS04-5H20 the same as in 
CuS04? Explain. 

9 

Assessment 15.2 Test yourself 
on the concepts in Section 15.2. 

Textbook 

with ChemASAP 
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Electrolytes 

Purpose 
To classify compounds as electrolytes by testing their 

conductivity in aqueous solution. 

Materials 
• pencil 

• paper 

• ruler 

® reaction surface 

• chemicals shown in the grid below 

• conductivity tester 

• water 

• micropipet or dropper 

• conductivity probe (optional) 

Procedure fUl §0 

CW Probeware version available in 

Jj the Probeware Lab Manual. 

On separate sheets of paper, draw two grids similar to the 

one below. Make each square 2 cm on each side. Place a 

reaction surface over one of the grids and place a few 

grains of each solid in the indicated places.Test each 

solid for conductivity.Then add 1 drop of water to each 

solid and test the wet mixture for conductivity. Be sure to 

clean and dry the conductivity leads between each test. 

Analyze 
Using your experimental data, record the answers to the 

following questions in the space below your data table. 

1. Electrolytes are compounds that conduct electric cur¬ 

rent in aqueous solution. Which compounds in your 

table are electrolytes? Which are not electrolytes? 

2. Do any of these electrolytes conduct electric current in 

the solid form? Explain. 

3. Are these ionic or covalent compounds? Classify each com¬ 

pound in the grid as ionic or covalent. For a compound to be 

an electrolyte, what must happen when it dissolves in water? 

You're The Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

NaCI(s) MgS04(s) 

Na2C03(s) 

td 
Table Sugar 
Ci2H220n 

l\laHC03(s) Cornstarch 
(C6H1206)n 

KCI(s) Kl(s) 

1. Analyze It! When an ionic solid dissolves in water, 

water molecules attract the ions, causing them to come 

apart, or dissociate.The resulting dissolved ions are 

electrically charged particles that allow the solution to 

conduct electric current.The following chemical equa¬ 

tions represent this phenomenon. 

NaCI(s)-» Na+{aq) + C \(aq) 

Na2C03(s)-* 2Na+(og) + CO 32~(aq) 

Write a similar chemical equation for each electrolyte 

you tested. Draw diagrams to explain how the ions 

conduct electric current. 

2. Design It! Obtain the following aqueous solutions: 

HCI, H2S04, HN03, CH3COOH, NH3, NaOH, rubbing alco¬ 

hol, and distilled water. Design and carry out an exper¬ 

iment to test their conductivity. Use your data to 

classify each substance as a strong electrolyte, weak 

electrolyte, or nonelectrolyte. 

3. Design It! Test various liquids for conductivity.Try soft 

drinks, orange juice, pickle juice, and coffee. Which 

liquids are electrolytes? 

y V 
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Heterogeneous Aqueous Systems 15.3 

Connecting to Your World . . ,.. . . 
3 It wiggles and jiggles. It comes 

in many colors and flavors. When you pop it in your mouth, it dissolves. It 

is gelatin, one of the most popular desserts in the United States. In fact, 

more than a million packages of gelatin are purchased 

or eaten every day. Gelatin has even traveled into 

space. In 1996, American astronaut Shannon 

Lucid shared a gelatin dessert with her 

Russian crewmates. Gelatin is a heteroge¬ 

neous mixture called a colloid. In this section, 

you will learn more about the characteristics 

of colloids and a related mixture called a 

suspension. 

Suspensions 
So far in this chapter, you have learned about homogeneous mixtures that 

are formed when compounds such as inorganic acids, bases, and ionic salts 

mix with water. These mixtures are classified as solutions. In contrast, het¬ 

erogeneous mixtures are not solutions. 

If you shake a piece of clay with water, the clay breaks into fine parti¬ 

cles. The water becomes cloudy because the clay particles are suspended in 

the water. But if you stop shaking, the particles begin to settle out. A 

suspension is a mixture from which particles settle out upon standing. 

A suspension differs from a solution because the particles of a suspen¬ 

sion are much larger and do not stay suspended indefinitely. The particles in 

a typical suspension have an average diameter greater than 1000 nm. By 

contrast, the particle size in a solution is usually about 1 nm. The larger size 

of suspended particles means that gravity plays a larger role in causing 

them to settle out of the mixture. Cooks use suspensions of flour or corn¬ 

starch in water to thicken sauces and gravies. These mixtures must be 

shaken or stirred immediately before use because the suspended particles 

quickly settle out. 

Suspensions are heterogeneous because at least two substances can be 

clearly identified. In the example of clay particles mixed with water, you 

can clearly see the dispersed phase (clay) in the dispersion medium 

(water). Figure 15.14 shows that if muddy water is filtered, the filter traps 

the suspended clay particles and clear water passes through. 

Figure 15.14 A suspension is a heterogeneous mixture. 
Suspended particles can be removed by filtration. Comparing 
and Contrasting How does the filtration of a suspension 

compare with the filtration of a solution1 

Guide for Reading 

Key Concepts 
• What is the difference between 

a suspension and a solution? 

• What distinguishes a colloid 

from a suspension and a 

solution? 

Vocabulary 
suspension 

colloid 

Tyndall effect 

Brownian motion 

emulsion 

Reading Strategy 
Previewing Before you read, 

rewrite the headings of this sec¬ 

tion as questions. As you read, 

write answers to your questions. 
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Word Origins 
Colloid comes from the 

Greek word kolla meaning 

"glue." The word colloid is 

based on the glue-like 

appearance of many col¬ 

loids and was coined by the 

English scientist Thomas 

Graham in 1861. As you 

read, identify examples 

of colloids that meet Gra¬ 

ham's original definition. 

Colloids 
You read in Connecting to Your World that gelatin is a type of mixture called 

a colloid. A colloid is a heterogeneous mixture containing particles that 

range in size from 1 nm to 1000 nm. The particles are spread throughout 

the dispersion medium, which can be a solid, liquid, or gas. The first sub¬ 

stances to be identified as colloids were glues. Other colloids include such 

mixtures as gelatin, paint, aerosol sprays, and smoke. Table 15.3 lists some 

common colloidal systems and gives examples of familiar colloids. 

How do the properties of colloids differ from those of suspensions and 

solutions? Like suspensions, many colloids are cloudy or milky in appear¬ 

ance when they are concentrated. Like solutions, colloids may look clear 

or almost clear when they are dilute. The important difference between 

colloids and solutions and suspensions is in the size of the particles. 

Colloids have particles smaller than those in suspensions and larger than 

those in solutions. These intermediate-sized particles cannot be retained by 

filter paper as are the larger particles of a suspension, and they do not settle 

out with time. Colloids can be distinguished by the Tyndall effect and by 

the observation of Brownian motion. They are also subject to coagulation 

or clumping together, and they can be emulsified or made stable. 

Some Colloidal Systems 

System 

Dispersed 
phase 

Dispersion 
medium 

gas liquid 

Type 

foam 

gas solid foam 

liquid liquid emulsion 

liquid gas aerosol 

solid 

solid 

gas 

liquid 

smoke 

sols and 
gels 

starch 

Example 

whipped 
cream 

marshmallow 

milk, 
mayonnaise 

fog, aerosols 

dust in air 

egg white, jell 
paint, blood, 
colloidal gold, 
in water, gelat 
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I Figure 15.15 The path of light is 
visible only when the light is 

scattered by particles. © Fog or 

mist is a colloid and thus exhibits 
the Tyndall effect. © Particles in 

colloids and suspensions reflect 

or scatter light in all directions. 
Solutions do not scatter light. 

The Tyndall Effect Ordinarily you can’t see a beam of sunlight unless 

the light passes through particles of water (mist) or dust in the air. These 

particles scatter the sunlight. Similarly, a beam of light is visible as it passes 

through a colloid. The scattering of visible light by colloidal particles is 

called the Tyndall effect. Suspensions also exhibit the Tyndall effect, but 

solutions do not. The particles in solutions are too small to scatter light. 

Figure 15.15 shows how the Tyndall effect can differentiate solutions from 

colloids and suspensions. 

Suspension Solution Colloid 

Brownian Motion Flashes of light, or scintillations, are seen when col¬ 

loids are studied under a microscope. Colloids scintillate because the parti¬ 

cles reflecting and scattering the light move erratically. The chaotic 

movement of colloidal particles, which was first observed by the Scottish 

botanist Robert Brown (1773-1858), is called Brownian motion. Brownian 

motion is caused by collisions of the molecules of the dispersion medium 

with the small, dispersed colloidal particles. These collisions help prevent 

the colloidal particles from settling. 

C Go inline 
-<SE,scZ«s 

For: Links on Brownian 
Motion 

Visit: www.SciLinks.org 
Web Code: cdn-1153 

Coagulation Colloidal particles also tend to stay suspended because 

they become charged by adsorbing ions from the dispersing medium 

onto their surface. Some colloidal particles become positively charged by 

absorbing positively charged ions. Other colloidal particles become nega¬ 

tively charged by absorbing negatively charged ions. All the colloidal par¬ 

ticles in a particular colloidal system will have the same charge, although 

the colloidal system is neutral. The repulsion between the like-charged 

particles prevents the particles from forming heavier aggregates that 

would have a greater tendency to settle out. Thus, a colloidal system can 

be destroyed or coagulated by the addition of ions having a charge oppo¬ 

site to that of the colloidal particles. The added ions neutralize the 

charged colloidal particles. The particles can clump together to form 

heavier aggregates and precipitate from the dispersion. 

(^Checkpoint) What is Brownian motion? 
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Figure 15.16 The addition of an 

egg yolk to a mixture of oil and 
vinegar produces mayonnaise, a 
stable emulsion. 

Emulsions An emulsion is a colloidal dispersion of a liquid in a liquid. An 

emulsifying agent is essential for the formation of an emulsion and for 

maintaining the emulsion’s stability. For example, oils and greases are not 

soluble in water. However, they readily form a colloidal dispersion if soap or 

detergent is added to the water. Soaps and detergents are emulsifying 

agents. One end of a large soap or detergent molecule is polar and is 

attracted to water molecules. The other end of the soap or detergent mole¬ 

cule is nonpolar and is soluble in oil or grease. Soaps and other emulsifying 

agents thus allow the formation of colloidal dispersions between liquids 

that do not ordinarily mix. Figure 15.16 shows a familiar example of an 

emulsion—mayonnaise. Mayonnaise is a heterogeneous mixture of oil and 

vinegar. Such a mixture would quickly separate without the presence of egg 

yolk, which is the emulsifying agent. Other foods such as milk, margarine, 

and butter are also emulsions. Cosmetics, shampoos, and lotions are for¬ 

mulated with emulsifiers to maintain consistent quality. Table 15.4 sum¬ 

marizes the properties of solutions, colloids, and suspensions. 

Table 15.4 

Properties of Solutions, Colloids, and Suspensions 

Property 

System 

Solution Colloid Suspension 

Particle type ions, atoms, small 
molecules 

large molecules or 
particles 

large particles or 
aggregates 

Particle size 0.1-1 nm 1-1000 nm 1000 nm and larger 

Effect of light no scattering exhibits Tyndall effect exhibits Tyndall effect 

Effect of gravity stable, does not 
separate 

stable, does not separate unstable, sediment forms 

Filtration particles not retained 
on filter 

particles not retained 
on filter 

particles retained on filter 

Uniformity homogeneous heterogeneous heterogeneous 

15.3 Section Assessment 

16. Key Concept How does a suspension differ 

from a solution? 

"17. (3^ Key Concept What distinguishes a colloid 

from a suspension and a solution? 

18. How can you determine through observation that 

a mixture is a suspension? 

19. Could you separate a colloid by filtering? Explain. 

20. How can the Tyndall effect be used to distinguish 

between a colloid and a solution? 

21. What causes Brownian motion? Can the presence 

of Brownian motion distinguish between a solu¬ 

tion and a colloid? Explain. 

Handbook 

Electrolytes Go to page R8 in the Elements Hand¬ 

book and read about the importance of electrolytes 
in the body. Write a paragraph explaining why the 

concentration of these ions may decline and how 
they can be restored. 

® 

^Textbook 

Assessment 15.3 Test yourself 
on the concepts in Section 15.3. 

>_with ChemASAP 
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Technology 8c Society 

Water Worth Drinking 

When you turn on a faucet, you probably don't think about the 

substances other than water that may end up in your glass.To 

ensure the safety of the water you drink, the Environmental 

Protection Agency (EPA) has established drinking water standards 

that state and local governments must follow.These standards 

set upper limits on potentially harmful substances that could be 

present in water.The standards are based on studies of how these 

substances affect human health. Inferring What might happen if 

water were not treated to kill bacteria and other pathogens? 

Laboratory analysis identifies 

natural or synthetic compounds 

that may be harmful when present in 
drinking water. Standards are set for 

these substances in parts per million 

(ppm) or parts per billion (ppb). 

If periodic water samples indicate 

too high a level of coliform bacteria, 

disinfectants such as chlorine must be 

added to destroy these and other 

potentially dangerous microorganisms. 

When water must be 

treated with chlorine, 

frequent tests ensure that levels 

of this disinfectant do not fall 

below 0.5 ppm. 

■tvTST"" :;v- 

Local water providers test their 

public water supplies regularly 

to monitor levels of minerals, 

chlorine, and microorganisms 

such as bacteria. 



Study Guide 

Key Concepts 

15.1 Water and Its Properties 

• The high surface tension and low vapor pres¬ 
sure of water are the results of hydrogen 
bonding. 

• The structure of ice is a regular open frame¬ 
work of water molecules held together by 
hydrogen bonds and arranged like a honey¬ 
comb. 

• Molecules in liquid water are packed closer 
together than they are in ice. 

15.2 Homogeneous Aqueous Systems 

• In a solution, a solvent dissolves the solute. 
The solute becomes dispersed in the solvent. 

• In the dissolving process, individual solute 
ions break away from the crystal. Solvent 
molecules surround the negatively and posi¬ 
tively charged ions in a process called solva¬ 
tion and the ionic crystal dissolves. 

• All ionic compounds are electrolytes because 
they dissociate into ions and thus can con¬ 
duct electricity. 

• The formula of a hydrate consists of the for¬ 
mula of the ionic salt followed by a dot and 
the number of water molecules associated 
with one formula unit of the salt. 

<T^ 15.3 Heterogeneous Aqueous Systems 

• A suspension differs from a solution because 
the component particles of a suspension are 
much larger and do not stay suspended 
indefinitely. 

• Colloids have particles smaller than those 
in suspensions and larger than those in 
solutions. 

Vocabulary 

aqueous solution (p. 450) 

Brownian motion (p. 461) 

colloid (p. 460) 

electrolyte (p. 452) 

emulsion (p. 462) 

hydrate (p. 454) 

nonelectrolyte (p. 452) 

solute (p. 450) 

solvation (p. 451) 

solvent (p. 450) 

strong electrolyte (p. 453) 

surfactant (p. 447) 

suspension (p. 459) 

surface tension (p. 447) 

Tyndall effect (p. 461) 

weak electrolyte (p. 453) 

Key Equation 

• Percent H20 = 
mass of water 

mass of hydrate 
x 100% 

Organizing Information 

Use these terms to construct a 
concept map that organizes the 
major ideas of this chapter. 

Textbook 
Concept Map 15 Solve the 
Concept Map with the help of 
an interactive guided tutorial. 

-withChemASAP 
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Assessment 

CHAPTER 

15 
Reviewing Content 

15.1 Water and Its Properties 

22. Why does water have high surface tension? 

23. Why do the particles at the surface of a liquid 

behave differently from those in the bulk of 

the liquid? 

24. Describe some observable effects that are 

produced by the surface tension of a liquid. 

25. What is a surfactant? Explain how it works. 

26. How can the unusually low vapor pressure of 

water be explained? 

27. Explain why bodies of water with large surface 

areas such as lakes and oceans do not evaporate 

rapidly. 

28. How does the structure of ice differ from the 

structure of water? 

29. What would be some of the consequences if ice 

were denser than water? 

30. Explain the role of hydrogen bonds in ice. 

15.2 Homogeneous Aqueous Systems 

31. Distinguish between a solution in general and an 

aqueous solution. 

32. Identify the solvent and the solute in a solution 

of table sugar in water. 

33. Why is water an excellent solvent for most ionic 

and polar covalent compounds but not for 

nonpolar compounds? 

34. Suppose an aqueous solution contains both 

sugar and salt. Can you separate either of these 

solutes from the water by filtration? Explain 

your reasoning. 

35. Describe the process of solvation. 

36. Which of the following substances dissolve 

appreciably in water? Give reasons for 

your choice. 

a. HC1 b. Nal 

c. NH3 d. MgS04 

e. CH4 f. CaCOg 

37. Explain why gasoline does not dissolve in water. 

38. What particles must be present in a solution if it 

is to conduct electricity? 

39. Why does molten sodium chloride conduct 

electricity? 

40. What is the main distinction between an 

aqueous solution of a strong electrolyte and an 

aqueous solution of a weak electrolyte? 

41. What is meant by a substance’s water of 

hydration? 

42. Write formulas for these hydrates. 

a. sodium sulfate decahydrate 

b. calcium chloride dihydrate 

c. barium hydroxide octahydrate 

43. Name each hydrate. 

a. SnCl4-5H20 

b. FeS04-7H20 

c. BaBr2-4H20 

d. FeP04-4H20 

44. Epsom salt (MgS04-7H20) changes to the mono¬ 

hydrate form at 150°C. Write an equation for 

this change. 

45. Explain why a hygroscopic substance can be 

used as a desiccant. 

46. Why is it important to keep some hygroscopic 

substances in tightly sealed containers? 

47. Some hydrates are efflorescent. Explain what 

that means. Under what conditions will a 

hydrate effloresce? 

15.3 Heterogeneous Aqueous Systems 

48. How can you distinguish between a suspension 

and a solution? 

49. Arrange colloids, suspensions, and solutions in 

order of increasing particle size. 

50. What is the Tyndall effect? 

51. Why don’t solutions demonstrate the Tyndall 

effect? 

52. What causes Brownian motion? 

53. What are two circumstances that help keep col¬ 

loidal particles in suspension? 

54. How can a colloid be destroyed? 

55. What makes a colloidal dispersion stable? 
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Understanding Concepts 

56. From your knowledge of intermolecular forces, 

arrange these liquids in order of increasing sur¬ 

face tension: water (H,0), hexane (C6H14), etha¬ 

nol (C2H5OH). 

57. Water has its maximum density at 4°C. Discuss 

the consequences of this fact. 

58. The graph below shows the density of water over 

the temperature range 0°C to 20°C. 

Density vs.Temperature for Liquid Water 

1.0005 

1.0000 

? 0.9995 

.5? 
> 0.9990 

'3i 

| 0.9985 

0.9980 

0 4 8 12 16 20 

Temperature (°C) 

a. What is the maximum density of water? 

b. At what temperature does the maximum den¬ 

sity of water occur? 

c. Would it be meaningful to expand the smooth 

curve of the graph to the left to temperatures 

below 0°C? 

59. Explain which properties of water are responsi¬ 

ble for these occurrences. 

a. Water in tiny cracks in rocks helps break up 

the rocks when it freezes. 

b. Water beads up on a newly waxed car. 

c. A longer time is needed for a teaspoon 

of water to evaporate than a teaspoon 

of alcohol. 

60. Describe what might happen if you put a sealed 

glass container full of water into a freezer. 

61. Water is a polar solvent; gasoline is a nonpolar 

solvent. Decide which compounds are more 

likely to dissolve in water and which are more 

likely to dissolve in gasoline. 

a. CC14 b. Na2S04 

c. methane (CH4) d. KC1 

62. Explain why ions become solvated in aqueous 

solution. 

63. You have a solution containing either sugar or 

salt dissolved in water. 

a. Can you tell which it is by visual inspection? 

Explain. 

b. Give two ways by which you could easily tell 

which it is. 

64. Explain why ethanol (C2H5OH) will dissolve in 

both gasoline and water. 

65. Are all liquids soluble in each other? Explain. 

66. Write equations to show how these substances 

ionize or dissociate in water. 

a. NH4C1 b. Cu(N03)2 

c. HC2H302 d. HgCl2 

67. Name these hydrates and determine the percent 

by mass of water in each. 

a. Na2C03-H20 b. MgS04-7H20 

68. How many grams of copper(II) sulfate penta- 

hydrate would you need to measure in order 

to have 10.0 g of anhydrous copper(II) sulfate? 

69. A hydrate has the following percent composi¬ 

tion: 75.5% CaCl2 and 24.5% H20. What is the for¬ 

mula for this hydrate? 

70. Match each term with the following descriptions. 

A description may apply to more than one term, 

a. solution b. colloid c. suspension 

(1) does not settle out on standing 

(2) heterogeneous mixture 

(3) particle size less than 1 nm 

(4) particles can be filtered out 

(5) demonstrates Tyndall effect 

(6) particles are invisible to the unaided eye 

(7) homogenized milk 

(8) saltwater 

(9) jelly 
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Critical Thinking Concept Challenge 

71. When ethyl alcohol (C2H60) dissolves in water, 

the volume of the final solution is less than the 

separate volumes of the water and alcohol added 

together. Can you explain this result? Do you 

think that it might be possible to mix two differ¬ 

ent liquids and get a mixture volume that is 

larger than the sum of the volumes of the two 

components? Explain. 

72. Describe what would happen to a pond at 0°C if 

the density of ice were greater than the density of 

water. Do you think the pond would freeze more 

quickly? Explain. 

73. When the humidity is low and the temperature 

high, humans must take in large quantities of 

water or face serious dehydration. Why do you 

think water is so important for the proper func¬ 

tioning of your body? 

74. Describe as specifically as possible what would 

happen if a nonpolar molecular liquid were 

added to water. What would form if you shook 

this mixture vigorously? 

75. Why is the midday sky blue while the evening 

sky in the west is often an orange or red color? 

[Hint: There are colloidal-size particles in the 

atmosphere.) 

76. Make a drawing to show how the oxygen atom in 

one molecule of water can be connected to as 

many as four other molecules of water by 

hydrogen bonds. Write an explanation of your 

drawing. 

77. A problem for firefighters is that much of the 

water they spray on a fire doesn’t soak in but 

runs off carrying debris and pollution into the 

environment. Explain how the addition of a 

surfactant to water used to fight fires could help 

put out the fire more rapidly and protect the 

environment. 

78. When spring comes, ice melting at the surface of 

a pond begins a beneficial process that stirs up 

the water of the pond. Explain why the pond 

water begins to mix when the ice melts. {Hint: 

Consider the changes in density.) 

79. After a winter of alternate periods of freezing 

and thawing, some roads have broken pavement 

and potholes. Using what you know of the prop¬ 

erties of water, explain why potholes form. 

80. What relationships exist between the following 

volumes? 

a. 1 g of ice at 0°C and 1 g of liquid water at 0°C 

b. 1 g of liquid water at 100°C and 1 g of steam 

at100°C 

81. Cobalt chloride test paper is blue. This paper is 

made by soaking strips of paper in an aqueous 

solution of CoC12-6H20. The paper strips are 

then dried in an oven. 

CoC12-6H20 (pink) + heat-> 

CoCl2 (blue) + 6H20 

a. WTien cobalt(II) chloride hexahydrate is dis¬ 

solved in water, what is the color of the 

solution? 

b. What is the color of wet cobalt chloride paper? 

c. What is the color of dry cobalt chloride paper? 

d. What is the percent by mass of water in the 

hexahydrate? 

e. What does cobalt chloride test paper test for? 
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Assessment continued 

Cumulative Review 

82. A cylindrical vessel, 28.0 cm in height and 

3.00 cm in diameter, is filled with water at 50°C. 

The density of water is 0.988 g/crn3 at this tem¬ 

perature. Express the mass of water in the vessel 

in the following units. (Chapter 3) 

a. grams b. milligrams c. kilograms 

83. How many significant figures are in each mea¬ 

surement? (Chapter 3) 

a. 56.003 g b. 0.0056 cm 

c. 750 mL d. 0.4005 dg 

84. Write the correct electron configuration for the 

oxide ion. Which noble gas has the same elec¬ 

tron configuration? (Chapter 7) 

85. When a proton is attracted to the unshared elec¬ 

tron pair of a water molecule, the polyatomic 

hydronium ion (H30+) is formed. Draw electron 

dot structures to show the formation of this ion. 

(Chapter 8) 

86. The balloons contain f mol of He, CH4, and 02 

at STP (Chapter 10) 

1 mole 

a. What is the volume of each balloon? 

b. What is the mass of each balloon? 

c. Calculate the density of the gas in each balloon. 

d. The density of air at room temperature is 

about 1.2 g/mL. Predict whether each balloon 

will rise or sink when released. 

87. Balance these equations. (Chapter 11) 

a. C02 + H20-> C6H1206 + 02 

b. Na + H20-> Na+ + OH" + H2 

88. How many grams each of hydrogen gas and 

oxygen gas are required to produce 4.50 mol of 

water? (Chapter 12) 

89. The decomposition of hydrogen peroxide is 

given by this equation. 

2H202(Z)->2H20(Z) + 02(g) 

Calculate the mass of water (in grams) and 

the volume of oxygen at STP formed when 

2.00 X fO 3 mol of hydrogen peroxide is 

decomposed. (Chapter 12) 

90. Calculate the mass of water produced in the 

complete combustion of 8.00 L of propane 

(C3H8) at STP, given this unbalanced equation. 

(Chapter 12) 

C3H8 + 02-» CQ2 + H20 

91. Acetaldehyde (C2H40) is produced commercially 

by the reaction of acetylene (C2H2) with water, as 

shown by this equation. 

C2H2 + H20-> C2H4Q 

How many grams of C2H40 can be produced 

from 2.60 x 102 g H20, assuming sufficient C2HZ 

is present? (Chapter 12) 

92. Hydrogen reacts with oxygen to form water. 

(Chapter 12) 

2H2 + 02-* 2HzO 

a. How many moles of oxygen are required to 

produce 10.8 g H20? 

b. How many liters of oxygen is this at STP? 

93. A mixture of 40 cm3 of oxygen gas and 60 cm3 of 

hydrogen gas at STP is ignited. (Chapter 12) 

a. Which gas is the limiting reagent? 

b. What is the mass of water produced? 

c. Which gas remains after reaction? 

d. What is the volume, at STP of the remaining gas? 

94. Explain how the following changes in the pres¬ 

sure on the surface of water affect the water’s 

boiling point. (Chapter 13) 

a. an increase in pressure 

b. a decrease in pressure 

95. The temperature of 1 L of steam at constant 

volume and 1.00 atm pressure is increased from 

100°C to 200°C. Calculate the final pressure of 

the steam in atmospheres, assuming the volume 

does not change. (Chapter 14) 
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Standardized Test Prep 

Test-Taking Tip 

Constructed Response You will probably 

answer most constructed response questions 

by writing a sentence or a paragraph. Put as 

much information into each sentence as possi¬ 

ble, but avoid unnecessary words. Your answer 

should address all the specific points asked for 

in the question. For longer responses, you may 

find it helpful to prepare a brief outline. 

Select the choice that best answers each question or 

completes each statement. 

1. When a sugar cube completely dissolves in a glass 

of water, it forms 

a. a colloid. b. a suspension, 

c. an emulsion. d. a solution. 

2. How many water molecules are tied up per for¬ 

mula unit of a compound that is an octahydrate? 

a. nine b. eight c. seven d. six 

3. Which property is characteristic of water? 

a. relatively high surface tension 

b. relatively high vapor pressure 

c. relatively low solvent ability 

d. relatively low polarity 

Use the description below and the data table in the 

next column to answer Questions 4-6. 

A student used a conductivity meter to measure the 

conductivity of several aqueous solutions. The mag¬ 

nitude of the conductivity value is proportional to 

the number of ions in the solution. The SI conductiv¬ 

ity unit is the microsiemens/cm (p,S/cm). The table 

gives the results reported by the student who tested 

six solutions plus distilled water. Each solution had a 

concentration of 0.02M. 

Solution Conductivity (gS/cm) 

potassium chloride, KCI 2050 

aluminum chloride, AICI3 4500 

calcium chloride, CaCI2 3540 

sodium hydroxide, NaOH 2180 

ethanol, C2H5OH 0 

magnesium bromide, MgBr2 3490 

distilled water ~~0~ 

4. Why do distilled water and the ethanol solution 

have zero conductivity? 

5. Explain why two pairs of conducting solutions 

have similar conductivities. 

6. The A1C13 solution has a conductivity that is about 

twice that of the KC1 solution. Explain. 

Use the atomic windows to answer Question 7. 

7. Atomic window (a) represents solute particles in a 

given volume of solution. Which window represents 

the solute particles in the same volume of solution 

when the amount of solvent is doubled? 

For each question there are two statements. Decide whether each statement is true or 

false. Then decide whether Statement II is a correct explanation for Statement I. 

Statement I 

8. Water has a relatively high surface 

tension. 

9. Methanol, CH3OH, is a strong 

electrolyte. 

10. Particles in a colloid settle out faster 

than particles in a solution. 

11. Water molecules are polar. 

Statement II 

BECAUSE Water molecules form strong hydrogen 

bonds with other water molecules. 

BECAUSE Methanol molecules can form hydrogen 

bonds with water. 

BECAUSE Particles in a colloid are larger than 

particles in a solution. 

BECAUSE The bond between hydrogen and oxygen 

atoms in a water molecule is polar. 
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Water has shaped these cliffs 
in Grand Canyon National 
Park and carried away some 
of the rock in solution. 

INQUIRY Activity 

Salt and the Freezing Point of Water 

Materials 

plastic plate, a 20-cm piece of string or narrow 

ribbon, water, an ice cube, and some table salt 

(sodium chloride) 

Procedure 

1. Remove an ice cube from the freezer and place it 

on the plate. 

2. Moisten the string or ribbon with water and place 

it in a straight line across the ice cube. 

3. Sprinkle some salt along the length of the string 

1 on the ice. 

4. Wait one to two minutes and then slowly lift the 

ends of the string. The ice cube should lift off 

the plate. 

5. If you are not successful in lifting the cube with the 

string, repeat Steps 3 and 4. 

Think About It 

1. What effect does the salt have on the water/ice? 

2. Can you name some practical instances of salt 

being used to affect the freezing point of water? 

3. Do you think sugar or baking soda would work 

equally well? Try it! 



16.1 Properties of Solutions 

Connecting to Your World lt was there one minute and 

gone the next! An entire house was swallowed up by Earth. A victim of 

moving groundwater, the house had disappeared into a sinkhole! 

Groundwater, the rain and melted snow that soaks into the ground, can 

dissolve huge amounts of rock over time and 

create beautiful limestone caves. A sink¬ 

hole forms when the roof of a cave 

weakens from being dissolved and 

suddenly collapses.One recorded 

sinkhole swallowed a house, 

several other buildings,five cars, 

and a swimming pool! In this sec¬ 

tion, you will learn how the solu¬ 

tion process occurs and the factors 

that influence the process. 

Solution Formation 
Have you noticed, when making tea, that granulated sugar dissolves faster 

than sugar cubes, and that both granulated sugar and sugar cubes dissolve 

faster in hot tea or when you stir? Figure 16.1 illustrates these observations. 

You will be able to explain these observations, as well as the formation of 

a sinkhole, once you have gained an understanding of the properties of 

solutions. 

Recall that solutions are homogeneous mixtures that may be solid, 

liquid, or gaseous. The compositions of the solvent and the solute 

determine whether a substance will dissolve. Stirring (agitation), tempera¬ 

ture, and the surface area of the dissolving particles determine how fast the 

substance will dissolve. These three factors involve the contact of the solute 

with the solvent. 

Guide for Reading 

Key Concepts 
• What factors determine the rate 

at which a substance dissolves? 

• How is solubility usually 

expressed? 

• What conditions determine the 

amount of solute that will 

dissolve in a given solvent? 

Vocabulary 
saturated solution 

solubility 

unsaturated solution 

miscible 

immiscible 

supersaturated solution 

Henry's law 

Reading Strategy 
Outlining As you read, make an 

outline of the most important 

ideas in this section. Use the red 

headings as the main topics and 

the blue headings as subtopics. 

Add a sentence or a note after 

each heading to provide key infor¬ 

mation about each topic. 

Figure 16.1 Stirring and heating 
increase the rate at which a solute 

dissolves. O A cube of sugar in 
cold tea dissolves slowly. 

© Granulated sugar dissolves 
in cold water more quickly than 

a sugar cube, especially with 
stirring. Q Granulated sugar 

dissolves very quickly in hot tea. 
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Stirring and Solution Formation If a teaspoon of granulated sugar 

(sucrose) is placed in a glass of tea, the crystals dissolve slowly. If the con¬ 

tents of the glass are stirred, however, the crystals dissolve more quickly. 

The dissolving process occurs at the surface of the sugar crystals. Stirring 

speeds up the process because fresh solvent (the water in tea) is continually 

brought into contact with the surface of the solute (sugar). It's important to 

realize, however, that agitation (stirring or shaking) affects only the rate at 

which a solid solute dissolves. It does not influence the amount of solute 

that will dissolve. An insoluble substance remains undissolved regardless 

of how vigorously or for how long the solvent/solute system is agitated. 

Temperature and Solution Formation Temperature also influences 

the rate at which a solute dissolves. Sugar dissolves much more rapidly in 

hot tea than in iced tea. At higher temperatures, the kinetic energy of water 

molecules is greater than at lower temperatures so they move faster. The 

more rapid motion of the solvent molecules leads to an increase in the fre¬ 

quency and the force of the collisions between water molecules and the 

surfaces of the sugar crystals. 

Particle Size and Solution Formation The rate at which a solute dis¬ 

solves also depends upon the size of the solute particles. A spoonful of 

granulated sugar dissolves more quickly than a sugar cube because the 

smaller particles in granulated sugar expose a much greater surface area to 

the colliding water molecules. Remember, the dissolving process is a sur¬ 

face phenomenon. The more surface area of the solute that is exposed, the 

faster the rate of dissolving. 

* ® 0 C 

Solvation « 
- Q w 0 

'0 Crystallization 

'■I 

Solubility 
If you add 36.0 g of sodium chloride to 100 g of water at 25°C, all of the 

36.0 g of salt dissolves. But if you add one more gram of salt and stir, no mat¬ 

ter how vigorously or for how long, only 0.2 g of the last portion will dis¬ 

solve. Why does the remaining 0.8 g of salt remain undissolved? According 

to the kinetic theory, water molecules are in continuous motion. Therefore, 

they should continue to bombard the excess solid, removing and solvating 

the ions. As ions are solvated, they dissolve in the water. Based on this infor¬ 

mation, you might expect all of the sodium chloride to dissolve eventually. 

That does not happen, however, because an exchange process is occurring. 

New particles from the solid are solvated and enter into solution, as shown 

in Figure 16.2. At the same time an equal number of already dissolved parti¬ 

cles crystalize. These particles come out of solution and are deposited as a 

solid. The mass of undissolved crystals remains constant. 

Figure 16.2 In a saturated solution, a state 
of dynamic equilibrium exists between the 

solution and the excess solute. The rate 
of solvation (dissolving) equals the rate 
of crystallization, so the total amount 

of dissolved solute remains constant. 

Inferring What would happen if you 
added more solute? 
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What is happening? Particles move from the solid into the solution. 

Other dissolved particles move from the solution back to the solid. Because 

these two processes occur at the same rate, no net change occurs in the 

overall system. As Figure 16.2 illustrates, a state of dynamic equilibrium 

exists between the solution and the undissolved solute. The system will 

remain the same as long as the temperature remains constant. Such a solu¬ 

tion is said to be saturated. A saturated solution contains the maximum 

amount of solute for a given quantity of solvent at a constant temperature 

and pressure. For example, 36.2 g of sodium chloride dissolved in 100 g of 

water is a saturated solution at 25°C. If additional solute is added to this 

solution, it will not dissolve.The solubility of a substance is the amount of 

solute that dissolves in a given quantity of a solvent at a specified tempera¬ 

ture and pressure to produce a saturated solution. Solubility is often 

expressed in grams of solute per 100 g of solvent. Sometimes the solubility of 

a gas is expressed in grams per liter of solution (g/L). A solution that con¬ 

tains less solute than a saturated solution at a given temperature and pres¬ 

sure is an unsaturated solution. If additional solute is added to an 

unsaturated solution, the solute will dissolve until the solution is saturated. 

Some liquids—for example, water and ethanol—are infinitely soluble 

in each other. Any amount of ethanol will dissolve in a given volume of 

water, and vice versa. Similarly, ethylene glycol and water mix in all pro¬ 

portions. Pairs of liquids such as these are said to be completely miscible. 

Two liquids are miscible if they dissolve in each other in all proportions. In 

such a solution, the liquid that is present in the larger amount is usually 

considered the solvent. Liquids that are slightly soluble in each other—for 

example, water and diethyl ether—are partially miscible. Liquids that are 

insoluble in one another are immiscible. As you can see in Figure 16.3, oil 

and vinegar are immiscible, as are oil and water. 

(^Checkpoint) What is a saturated solution? 

Figure 16.3 Liquids that are 
insoluble in one another are 
immiscible. © A thin film of oil 

spreads over a water surface. 

Light rays, bent by the film, 
create patterns of color. 

© Vinegar, which is water- 

based, and oil are immiscible. 

Word Origins 
Miscible comes from the 

Latin word miscere, mean¬ 

ing "to mix." Completely 

miscible liquids dissolve in 

each other in all propor¬ 

tions. If the prefix im- 

means "not," what would 

you call two liquids that 

are insoluble in each 

other? 
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Figure 16.4 Changing the 
temperature usually affects the 

solubility of a substance. 

INTERPRETING GRAPHS 

a. Describe What happens to 
the solubility of KN03 as the 

temperature increases? 
b. Identify Which substance 
shows a decrease in solubility 

as temperature increases? 
Which substance exhibits the 
least change in solubility? 

c. Apply Concepts Suppose 
you added some solid sodium 
chloride (NaCI) to a saturated 
solution of sodium chloride at 

20°C and warmed the mixture 
to 40°C.What would happen to 
the added sodium chloride? 

Figure 16.5 Mineral deposits 

form around the edges of 
this hot spring because the 
hot water is saturated with 

minerals. As the water cools, 

some of the minerals crystallize 
because they are less soluble at 

the lower temperature. 

r 

Solubility Varies with Temperature 

Temperature (°C) 

__/ 

Factors Affecting Solubility 
You have read that solubility is defined as the mass of solute that dissolves 

in a given mass of a solvent at a specified temperature. Temperature 

affects the solubility of solid, liquid, and gaseous solutes in a solvent; both 

temperature and pressure affect the solubility of gaseous solutes. 

Temperature The solubility of most solid substances increases as the 

temperature of the solvent increases. Figure 16.4 shows how the solubility 

of several substances changes as temperature increases. The mineral 

deposits around hot springs, such as the one shown in Figure 16.5, result 

from the cooling of the hot, saturated solution of minerals emerging from 

the spring. As the solution cools in air, it cannot contain the same concen¬ 

tration of minerals as it did at a higher temperature, so some of the miner¬ 

als precipitate. 

For a few substances, solubility decreases with temperature. For exam¬ 

ple, the solubility of ytterbium sulfate (Yb2(S04)3) in water drops from 

44.2 gper 100 g of water at 0°C to 5.8 gper 100 g of water at 90°C. Table 16.1 

lists the solubilities of some common substances at various temperatures. 

Suppose you make a saturated solution of sodium ethanoate (sodium 

acetate) at 30°C and let the solution stand undisturbed as it cools to 25°C. 

Because the solubility of this compound is greater at 30“C than at 25°C, you 

expect that solid sodium ethanoate will crystallize from the solution as the 

temperature drops. But no crystals form. You have made a supersaturated 

solution. A supersaturated solution contains more solute than it can theo¬ 

retically hold at a given temperature. The crystallization of a supersaturated 

solution can be initiated if a very small crystal, called a seed crystal, of the 

solute is added. The rate at which excess solute deposits upon the surface of 

a seed crystal can be very rapid, as shown in Figure 16.6. Crystallization can 

also occur if the inside of the container is scratch ed. 



Figure 16.6 A supersaturated 
solution crystallizes rapidly when 

disturbed. © The solution is clear 

before a seed crystal is added. 

© Crystals begin to form in the 

solution immediately after the 
addition of a seed crystal. 

Q Excess solute crystallizes rapidly. 

Applying Concepts When the 
crystallization has ceased, will 

the solution be saturated or 

unsaturated? 

Another example of crystallization in a supersaturated solution is the 

production of rock candy. A solution is supersaturated with sugar. Seed 

crystals cause the sugar to crystallize out of solution onto a string for you to 

enjoy! 

The effect of temperature on the solubility of gases in liquid solvents is 

opposite that of solids. The solubilities of most gases are greater in cold 

water than in hot. For example, Table 16.1 shows that the most important 

component of air for living beings—oxygen—becomes less soluble in water 

as the temperature of the solution rises. This fact has some important con¬ 

sequences. When an industrial plant takes water from a lake to use for cool¬ 

ing and then dumps the resulting heated water back into the lake, the 

temperature of the entire lake increases. Such a change in temperature is 

known as thermal pollution. Aquatic animal and plant life can be severely 

affected because the increase in temperature lowers the concentration of 

dissolved oxygen in the lake water. 

Textbook 

Simulation 20 Observe the 
effect of temperature on the 
solubility of solids and gases 
in water. 

with ChemASAP 

Solubilities of Some Substances in Water at Various Temperatures 

Solubility (g/100 g H20) 

Substance Formula 0°C 20°C 50°C 100°C 

Barium hydroxide Ba(OH)2 1.67 31.89 — — 

Barium sulfate BaS04 0.00019 0.00025 0.00034 — 

Calcium hydroxide Ca(OH)2 0.189 0.173 — 0.07 

Lead(ll) chloride PbCI2 0.60 0.99 1.70 — 

Lithium carbonate Li2C03 1.5 1.3 1.1 0.70 

Potassium chlorate KCI03 4.0 7.4 19.3 56.0 

Potassium chloride KCI 27.6 34.0 42.6 57.6 

Sodium chloride NaCI 35.7 36.0 37.0 39.2 

Sodium nitrate NaN03 74 88.0 114.0 182 

Aluminum chloride AICI3 30.84 31.03 31.60 33.32 

Silver nitrate AgN03 122 222.0 455.0 733 

Lithium bromide LiBr 143.0 166 203 266.0 

Sucrose (cane sugar) C12H220n 179 230.9 260.4 487 

Hydrogen* h2 0.00019 0.00016 0.00013 0.0 

Oxygen* 02 0.0070 0.0043 0.0026 0.0 

Carbon dioxide* co2 0.335 0.169 0.076 0.0 

*Gas at 101 kPa (one atmosphere) total pressure 
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Pressure Changes in pressure have little effect on the solubility of solids 

and liquids, but pressure strongly influences the solubility of gases. Gas sol¬ 

ubility increases as the partial pressure of the gas above the solution 

increases. Carbonated beverages are a good example. These drinks contain 

large amounts of carbon dioxide (C02) dissolved in water. Dissolved C02 

makes the liquid fizz and your mouth tingle. The drinks are bottled under a 

high pressure of C02 gas, which forces large amounts of the gas into solu¬ 

tion. When a carbonated-beverage container is opened, the partial pres¬ 

sure of C02 above the liquid decreases. Immediately, bubbles of C02 form 

in the liquid and escape from the open bottle, as shown in Figure 16.7. As a 

result, the concentration of dissolved C02 decreases. If the bottle is left 

open, the drink becomes “flat” as the solution loses its C02. 

How is the partial pressure of carbon dioxide gas related to the solubil¬ 

ity of C02 in a carbonated beverage? The relationship is described by 

Henry's law, which states that at a given temperature, the solubility (S) of a 

gas in a liquid is directly proportional to the pressure (P) of the gas above 

the liquid. In other words, as the pressure of the gas above the liquid 

increases, the solubility of the gas increases. Similarly, as the pressure of 

the gas decreases, the solubility of the gas decreases. You can write the rela¬ 

tionship in the form of an equation. 

S, is the solubility of a gas at one pressure, Pp S2 is the solubility at another 

pressure, P2. 

(^Checkpoint) How is the solubility of a gas affected by pressure? 

Figure 16.7 When a 

carbonated-beverage bottle is 
sealed, the pressure of C02 above 
the liquid is high and the 

concentration of C02 in the liquid 
is also high. When the cap is 

removed, the pressure of C02 gas 
above the liquid decreases and 
carbon dioxide bubbles out of 
the liquid. 
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^SAMPLE PROBLEM 16.1 

Calculating the Solubility of a Gas 

If the solubility of a gas in water is 0.77 g/L at 3.5 atm of pressure, what 

is its solubility (in g/L) at 1.0 atm of pressure? (The temperature is held 

constant at 25°C.) 
---I 

Q Analyze List the knowns and the unknown. 
Knowns Unknown 
• P, = 3.5 atm • S2 = ? g/L 

•S1 = 0.77 g/L 

• P2= 1.0 atm 

• Henry's law: ^ 

Calculate Solve for the unknown. 

Solve Henry's law for S2. Substitute the known values and calculate. 

S2 = 
S, X P2 

p\ 

0.77 g/L X 1.0 atm 

3.5 atm 
0.22 g/L 

O Evaluate Does the result make sense? 

The new pressure is approximately one-third of the original pressure, 

so the new solubility should be approximately one-third of the origi¬ 

nal. The answer is correctly expressed to two significant figures. 

Practice Problems rag 

1. The solubility of a gas in water 

is 0.16 g/L at 104 kPa. What is 

the solubility when the pres¬ 

sure of the gas is increased to 

288 kPa? Assume the tempera¬ 

ture remains constant. 

2. A gas has a solubility in water 

at 0°C of 3.6 g/L at a pressure 

of 1.0 atm. What pressure is 

needed to produce an aqueous 

solution containing 9.5 g/L of 

the same gas at 0°C? 

Math Handbook 

For help with algebraic 
equations, go to page R69. 

Textbook 

Problem-Solving 16.2 Solve 
Problem 2 with the help of an 
interactive guided tutorial. 

_with Chem ASAP 

16.1 Section Assessment 

3. Key Concept What determines whether a sub¬ 

stance will dissolve? What determines how fast a 

substance will dissolve? 

4. Key Concept What units are usually used to 

express the solubility of a solute? 

5. Key Concept What are two conditions that 

determine the mass of solute that will dissolve in a 

given mass of solvent? 

6. What would you do to change 

a. a saturated solid/liquid solution to an unsaturated 

solution? 

b. a saturated gas /liquid solution to an unsaturated 

solution? 

7. The solubility of a gas is 0.58 g/L at a pressure of 

104 kPa. What is its solubility if the pressure 

increases to 250 kPa at the same temperature? 

Writing Activity 

Procedure Research how to grow crystals.Then 

write a stepwise procedure for growing rock candy, 
which is crystallized sugar, or sucrose (C12 H220h). 

^Textbook 

Assessment 16.1 Test yourself 
on the concepts in Section 16.1. 

_with ChemASAP 
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Vein 

Artery 

r^Collecting 

duct 

To the ureter 

A Solution for Kidney Failure 
Your blood transports oxygen and other nutrients to cells throughout 

your body. It also picks up discarded waste materials from cells and 

carries them to your kidneys. Kidneys have the important job of 

filtering potentially toxic materials from blood and excreting them in 

urine.The body's entire blood supply passes through its two kidneys 

approximately every 45 minutes. Should the kidneys fail to function, 

life-threatening poisons would build up in the body. In that case, 

the treatment is usually hemodialysis, a procedure for cleansing the 

blood outside the body. Comparing and Contrasting What are 

some similarities and differences between the way kidneys work 

and hemodialysis? 

Nephrons Millions of tiny processing 
units called nephrons filter blood 
through a network of capillaries. 
The collecting duct carries toxic 
materials such as urea to the ureter 
for excretion. 

Kidneys 

Q A tube connects a 
patient to a dialysis 

machine.The machine pumps 
blood from a vein, circulates 
it through a dialyzing bath, 
and returns it to another vein. 
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Red blood cell 

Semi-permeable 

membrane — 

White blood cell Waste material 
Blood pump 

Dialyzing bath 

Platelet 

B Large particles, such 

as platelets and red 

and white blood cells, 
cannot move through the 

membrane and stay in the 

blood. Smaller particles of 

waste materials pass 

through the membrane 

into the dialyzing solution. 

Q The tubing in a dialysis 

machine is a semi- 

permeable membrane that 

allows particles to flow 

through it in both directions. 

The net flow is from the side 
with the higher concentration 

to the side with the lower 

concentration. / 

Dialyzing bath 

Semi-permeable 

membrane 

□ Adding fresh dialyzing fluid 

and removing the used solution 

containing waste materials maintains 

the concentration of the dialyzing bath 

Used dialysis 

solution 

Fresh dialysis 

solution -- 

Hemodialysis takes several 

hours and must happen 
three times a week. It helps 

keep people with kidney 

failure alive and allows them 

to lead normal lives. 



Guide for Reading 

Key Concepts 
• How do you calculate the 

molarity of a solution? 

• What effect does dilution have 

on the total moles of solute in 

solution? 

• What are two ways to express 

the percent concentration of a 

solution? 

Vocabulary 
concentration 

dilute solution 

concentrated solution 

molarity (M) 

Connecting to Your World A supply of dean drjnking 

water is important for all communities. What constitutes clean water? 

The federal government, along with state governments, 

has set standards limiting the amount of con¬ 

taminants allowed in drinking water.These 

contaminants include metals, pesticides, 

bacteria, and even the by-products of 

water treatment. Water must be tested 

continually to ensure that the concen¬ 

trations of these contaminants do not 

exceed established limits. In this section, 

you will learn how solution concentra¬ 

tions are calculated. 

Reading Strategy 
Summarizing When you summa¬ 

rize, you restate the key ideas in 

your own words. As you read 

about molarity, making dilutions, 

and percent solutions, summarize 

the main ideas in the text. In your 

summary, be sure to include all 

the key terms and the sentences in 

boldfaced type. 

Molarity 
You have learned that a substance can dissolve to some extent in a particu¬ 

lar solvent to form a solution. In this section, you will learn how to express 

the actual extent of dissolving, that is, the concentration of a solution. The 

concentration of a solution is a measure of the amount of solute that is dis¬ 

solved in a given quantity of solvent. A dilute solution is one that contains a 

small amount of solute. By contrast, a concentrated solution contains a 

large amount of solute. An aqueous solution of sodium chloride containing 

1 g NaCl per 100 g H20 might be described as dilute when compared with a 

sodium chloride solution containing 30 g NaCl per 100 g H20. But the same 

solution might be described as concentrated when compared with a solu¬ 

tion containing only 0.01 g NaCl per 100 g H20. You can see that the terms 

concentrated and dilute are only qualitative descriptions of the amount of a 

solute in solution. 

How can concentration be expressed quantitatively? In chemistry, the 

most important unit of concentration is molarity. Molarity (M) is the num¬ 

ber of moles of solute dissolved in one liter of solution. To calculate the 

molarity of a solution, divide the moles of solute by the volume of the solution. 

Molarity (M) = moles of solute 
liters of solution 

Note that the volume involved is the total volume of the resulting solu¬ 

tion, not the volume of the solvent alone. Molarity is also known as molar 

concentration. When the symbol M is accompanied by a numerical value, 

it is read as “molar.” For example, a solution labeled 3M NaCl is read as 

three molar sodium chloride solution. Figure 16.8 demonstrates how to 

make a 0.5-molar solution, that is, a solution with a molarity of 0.5. 
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iBsiS SAMPLE PROBLEM 16.2 

Calculating the Molarity of a Solution 

Intravenous (IV) saline solutions are often administered to patients in 

the hospital. One saline solution contains 0.90 g NaCl in exactly 

100 ml, of solution. What is the molarity of the solution? 

Analyze List the knowns and the unknown. 

Knowns 
• solution concentration = 0.90 g NaCl/100 mL 

• molar mass NaCl = 58.5 g/mol 

Unknown 
• solution concentration = ?M 

Convert the concentration from g/100 mL to mol/L. The sequence is 

g/100 mL -» mol/100 mL —> mol/L. 

Calculate Solve for the unknown. 

Use the molar mass to convert g NaCl/100 mL to mol NaCl/100 mL. 

Then use the conversion factor between milliliters and liters to con¬ 

vert to mol/L, which is molarity. 

, .. ... 0.90 g-NaQ w l mol NaCl w 1000 mL 
solution concentration = —, ^ — X X 

100 mL r 58.5 g-NaGl 

= 0.15 mol/L = 0.15M 

1 L 

Evaluate Does the result make sense? 

The answer should be less than IMbecause a concentration of 0.90 g/ 

100 mL is the same as 9.0 g/1000 mL (9.0 g/1 L), and 9.0 g is less than 

1 mol NaCl. The answer is correctly expressed to two significant 

figures. 

Practice Problems 

8. A solution has a volume of 2.0 L 

and contains 36.0 g of glucose 

(C6H1206). If the molar mass of 

glucose is 180 g/mol, what is 

the molarity of the solution? 

9. A solution has a volume of 

250 mL and contains 0.70 mol 

NaCl. What is its molarity? 

Figure 16.8 The photos show 

how to make a 0.5-molar (0.5/W) 

solution. O Add 0.5 mol of 

solute to a 1-L volumetric flask 

half filled with distilled water. 

0 Swirl the flask carefully to 

dissolve the solute. Q Fill the 

flask with water exactly to the 

1-L mark. 

Handbook 

For help with dimensional 

analysis, go to page R66. 

Textbook 

Problem-Solving 16.8 Solve 

Problem 8 with the help of an 

interactive guided tutorial. 

-. with ChemASAP 
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Sometimes, you may need to determine the number of moles of solute 

dissolved in a given volume of solution. You can do this if the molarity of 

the solution is known. For example, how many moles are in 2.00 L of 2.5M 

lithium chloride (LiCl)? Rearrange the formula for molarity to solve for the 

number of moles. 

Molarity M = 
moles of solute 

liters of solution 

Moles of solute = molarity {M) x liters of solution (V) 

Moles of LiCl = 2.5 MX 2.00 L = 
(2.5 moA 
V it ) X 2.00 E 

= 5.0 mol 

Thus 2.00 L of 2.5 Mlithium chloride solution contains 5.0 mol LiCl. 

For help with conversion 

problems, go to page R66. 

Textbook 

Problem-Solving 16.11 Solve 

Problem 11 with the help of an 

interactive guided tutorial. 

-with Chem ASAP 

SAMPLE PROBLEM 16.3 

Finding the Moles of Solute in a Solution 

Household laundry bleach is a dilute aqueous solution of sodium 

hypochlorite (NaCIO). How many moles of solute are present in 1.5 L 

of 0.70MNaC10? 

|p Analyze List the knowns and the unknown. 

Knowns 

•volume of solution = 1.5 L 

• solution concentration = 0.70M NaCIO 

Unknown 

• moles solute = ? mol 

moles solute = M X L = 
mol 

X L 

The conversion is volume of solution-> moles of solute. Molarity 

has the units mol/L and is a conversion factor between moles of solute 

and volume of solution. Multiply the given volume by the molarity 

expressed in mol/L. 

Calculate Solve for the unknown. 

moles solute = 0-70 molNaCIO x L5E 

= 1.1 mol NaCIO 

Ijp Evaluate Does the result make sense? 

The answer should be greater than 1 mol but less than 1.5 mol because 

the solution concentration is less than 0.75 mol/L and the volume is 

less than 2 L. The answer is correctly expressed to two significant 

figures. 

Practice Problems 

10. How many moles of ammo¬ 

nium nitrate are in 335 mL of 

0.425MNH4NO3? 

11. How many moles of solute are 

in 250 mL of 2.0MCaCl2? How 

many grams of CaCl, is this? 
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I 

!l 

Solution A 

Concentrated solution 
Solution B 

Dilute solution 

Solute 

particle 

Making Dilutions 

Solvent 

particle 

Both solutions in Figure 16.9 contain the same amount of solute. You can 

tell by the color of solution A that it is more concentrated than solution B; 

that is, solution A has the greater molarity. The more dilute solution B was 

made from solution A by adding more solvent. The procedure for diluting 

a solution is shown in Figure 16.10. Diluting a solution reduces the 

number of moles of solute per unit volume, but the total number of 

moles of solute in solution does not change. 

Moles of solute before dilution = moles of solute after dilution 

Figure 16.9 Adding solvent 

to a concentrated solution 

lowers the concentration, 

but the total number of 

moles of solute present 

remains the same. 

Recall the definition of molarity. 

Molars M = i^rfsolS 

Rearranging the equation gives an expression for moles of solute. 

Moles of solute = molarity (M) x liters of solution (V) 

The total number of moles of solute remains unchanged upon dilution, so 

you can write this equation. 

Moles of solute = Mx X Vi = M2 X V2 

Ml and V1 are the molarity and volume of the initial solution, and M, and V2 

are the molarity and volume of the diluted solution. Volumes can be in liters 

or milliliters, as long as the same units are used for both and V2. 

Figure 16.10 The student is 

preparing 100 mL of 0.40/W 

MgS04 from a stock solution of 

2.0M MgS04. © She measures 

20 mL of the stock solution with a 

20-mL pipet. (!) She transfers 

the 20 mLtoa 100-mLvolumetric 

flask. Q She carefully adds water 

to the mark to make 100 mL of 

solution. Inferring How many 
significant figures does the new 

molarity have? 



For help with algebraic 

equations, go to p. R69. 

Textbook 
Problem-Solving 16.12 Solve 

Problem 12 with the help of an 

interactive guided tutorial. 

—_.with ChemASAP 

Figure 16.11 The photo shows a buret, a graduated 

cylinder, a volumetric flask, and a volumetric pipet. These 

are just some examples of volume-measuring devices. 

w SAMPLE PROBLEM 16.4 

Preparing a Dilute Solution 

How many milliliters of aqueous 2.00M MgS04 solution must be di¬ 

luted with water to prepare 100.0 mL of aqueous 0.400MMgS04? 

Analyze List the knowns and the unknown. 

Knowns Unknown 

• Mx = 2.00M MgS04 • Vi1 ? mL of 2.00M MgS04 

•M2 = 0.400MMgS04 

• V2 = 100.0 mL of 0.400MMgS04 

•MjX lj=M2X V2 

Calculate Solve for the unknown. 

Solving for Vx yields: 

M2 X V2 Q.40QM X 100,0 mL 
M, 2.00 Af 

— 20.0 mL 

Thus 20.0 mL of the initial solution must be diluted by adding enough 

water to increase the volume to 100.0 mL. 

Evaluate Does the result make sense? 

The concentration of the initial solution is five times larger than the 

concentration of the diluted solution. Because the moles of solute in 

each solution are the same, the volume of the solution to be diluted 

(20.0 mL) should be one-fifth the final volume of the diluted solution. 

The answer is correctly expressed to three significant figures. 

Practice Problems 

12. How many milliliters of a 

solution of 4.00MKI are 

needed to prepare 250.0 mL 

of 0.760MKI? 

13. How could you prepare 

250 mL of 0.20M NaCl using 

only a solution of l.OMNaCl 

and water? 

Which of the volume-measuring devices shown in Figure 16.11 should 

you use to make a dilution? Your choice depends upon how precise you 

want the concentration of the solution to be. The dilution described in 

Sample Problem 16.4 requires a molarity with three significant figures. For 

this you would need to measure 20.0 mL of the 2.00MMgS04 solution with 

a 20-mL volumetric pipet or a buret. A graduated cylinder could not pro¬ 

vide the required precision. You would transfer the solution to a 100-mL 

volumetric flask and add distilled water to the flask exactly up to the etched 

line. The contents would then be exactly 100.0 mL of 0.400M MgS04. For 

measurements that require less precision, graduated cylinders are appro¬ 

priate for measuring volumes. 
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Percent Solutions 
Another way to describe the concentration of a solution is by the percent of 

a solute in the solvent. The concentration of a solution in percent can be 

expressed in two ways: as the ratio of the volume of the solute to the volume of 

the solution or as the ratio of the mass of the solute to the mass of the solution. 

Concentration in Percent (Volume/Volume) If both the solute and 

the solvent are liquids, a convenient way to make a solution is to measure 

the volumes of the solute and the solution. The concentration of the solute 

is then expressed as a percent of the solution by volume. For example, iso¬ 

propyl alcohol (2-propanol) is sold as a 91% solution, as shown in 

Figure 16.12. This solution consists of 91 mL of isopropyl alcohol mixed 

with enough water to make 100 mL of solution. The concentration can be 

expressed as 91 percent (volume/volume), or 91% (v/v). The relationship 

between percent by volume and the volumes of solute and solution is 

Percent by volume (% (v/v)) volume of solute v inA07 1 r l , • J.UU /O 
volume of solution 

SAMPLE PROBLEM 16.5 

Calculating Percent (Volume/Volume) 

What is the percent by volume of ethanol (C2H60, or ethyl alcohol) 

the final solution when 85 mL of ethanol is diluted to a volume 

250 mL with water? 

in 

of 

IQ Analyze List the knowns and the unknown. 

Knowns Unknown 

• volume of ethanol = 85 mL • % ethanol (v/v) = ? % 

• volume of solution = 250 mL 

• Percent by volume (% (v/v)) = ^ofsoSn X 100% 

Calculate Solve for the unknown. 

Substitute the known values into the equation and solve. 

% (v/v) = 85 ifoiS;3"01 X 100% 

= 34% ethanol (v/v) 

Evaluate Does the result make sense? 

The volume of the solute is about one-third the volume of the solution, 

so the answer is reasonable. The answer is correctly expressed to two 

significant figures. 

Practice Problems Itlllllll 

14. If 10 mL of propanone (or 15. A bottle of the antiseptic 

acetone (C3H60)) is diluted hydrogen peroxide (H202) 

with water to a total solution is labeled 3.0% (v/v). How 

volume of 200 mL, what is many mL H202 are in a 

the percent by volume of 400.0-mL bottle of this 

propanone in the solution? solution? 

91% Alcohol 
Isopropyl 
Alcohol 
51% BY VOLUME 
tore^/mwaHM. 

mWBBESSajlK. 

SDICSOTB: fsr jreimalim 4** & 
(marts an injection. 
QlHKTiONS: Apply to ririn ffa’’ 
with clean jaws, cafitP’ 
YA8HG& FOB £C^ 
W1 produce 

Figure 16.12 The label clearly 

distinguishes this solution of 

isopropyl alcohol from rubbing 

alcohol which is a 70% solution 

of isopropyl alcohol. Applying 
Concepts How many milliliters 
of isopropyl alcohol are in 
100 mL of 91% alcohol? 

; Handbook 1 

For help with percents, go 

to page R72. 

Textbook 

Problem-Solving 16.15 Solve 

Problem 15 with the help of an 

interactive guided tutorial. 

-withChemASAP 
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Concentration in Percent (Mass/Mass) Another way to express the 

concentration of a solution is as a percent (mass/mass), which is the num¬ 

ber of grams of solute in 100 grams of solution. Percent by mass is some¬ 

times a convenient unit of concentration when the solute is a solid. For 

example, a solution containing 7 g of sodium chloride in 100 grams of solu¬ 

tion is 7 percent (mass/mass), or 7% (m/m). 

Percent by mass (% (m/m)) 
mass of solute 

mass of solution 
x 100% 

Suppose you want to make 2000 g of a solution of glucose in water that has 

a 2.8% (m/m) concentration of glucose, flow much glucose should you 

use? In a 2.8 percent solution, each 100 g of solution contains 2.8 g of sol¬ 

ute. Thus, to find the grams of solute, you can multiply the mass of the 

solution by the ratio of grams of solute to grams of solution. 

2000 g^ofutkrn X 
2.8 g glucose 

100 g-sefutkrn 
= 56 g glucose 

How much solvent (water) should be used? The mass of the solvent equals 

the mass of the solution minus the mass of the solute or 1944 g (2000 g- 

56 g). Thus a 2.8% (m/m) glucose solution contains 56 g of glucose dis¬ 

solved in 1944 g of water. 

Information is often expressed as percent composition on food labels. 

For example, the label on a fruit drink or on maple-flavored pancake syrup 

should show the percent of fruit juice or maple syrup contained in the 

product. Such information can be misleading unless the units are given. 

When you use percentages to express concentration, be sure to state the 

units (v/v) or (m/m). 

16.2 Section Assessment 

16. O Key Concept How do you calculate the molar¬ 

ity of a solution? 

17. Key Concept Compare the number of moles of 

solute before dilution with the number of moles of 

solute after dilution. 

18. Key Concept What are two ways of expressing 

the concentration of a solution as a percent? 

19. Calculate the molarity of a solution containing 

400 g CuS04 in 4.00 L of solution. 

20. How many moles of solute are present in 50.0 mL of 

O.2OMKNO3? 

21. How many milliliters of a stock solution of 2.00M 

KN03 would you need to prepare 100.0 mL of 

O.15OMKNO3? 

22. What is the concentration, in percent (v/v), of a 

solution containing 50 mL of diethyl ether (C4H10O) 

in 2.5 L of solution? 

23. How many grams of K2S04 would you need to 

prepare 1500 g of 5.0% K2S04 (m/m) solution? 

Writing Activity 

Report Write a report comparing the concentration 

of fruit juice in different types of juice drinks. Is the 

percent of fruit juice given by % (v/v), or % (m/m)? 

Explain why these concentrations can be confusing 

or misleading. 

.. interactive 
^Textbook 

Assessment 16.2 Test yourself 

on the concepts in Section 16.2. 

>-with ChemASAP 
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Colligative Properties of Solutions 16.3 

Connecting to Your World The wood frog is a remarkable 

creature because it can survive being frozen. Scientists believe that a 

substance in the cells of this frog acts as a natural antifreeze, which 

prevents the cells from freezing. Although fluids 

surrounding the frog's cells may freeze, the 

cells themselves do not. In this section, 

you will discover how a solute can 

change the freezing point of a solution. 

Vapor-Pressure Lowering 
You probably won’t be surprised to learn that the physical properties of a 

solution differ from those of the pure solvent used to make the solution. 

After all, tea is not the same as pure water. But it might surprise you to learn 

that some of these differences in properties have little to do with the spe¬ 

cific identity of the solute. Instead, they depend upon the number of solute 

particles in the solution. A property that depends only upon the number of 

solute particles, and not upon their identity is called a colligative property. 

(T^ Three important colligative properties of solutions are vapor-pressure 

lowering, boiling-point elevation, and freezing-point depression. 

Recall that vapor pressure is the pressure exerted by a vapor that is in 

dynamic equilibrium with its liquid in a closed system. A solution that con¬ 

tains a solute that is nonvolatile (not easily vaporized) always has a lower 

vapor pressure than the pure solvent, as shown in Figure 16.13. Glucose, a 

molecular compound, and sodium chloride, an ionic compound, are 

examples of nonvolatile solutes. When glucose or sodium chloride is dis¬ 

solved in a solvent, the vapor pressure of the solution is lower than the 

vapor pressure of the pure solvent. Why is this true? 

0 
Solvent particle 

0 
Solute particle 

» 

Pure solvent Higher vapor 

pressure 

Solution containing Lower vapor 

nonvolatile solute pressure 

Guide for Reading 

Key Concepts 
• What are three colligative 

properties of solutions? 

• What factor determines the 

amount by which a solution's 

vapor pressure, freezing point, 

and boiling point differ from 

those properties of the solvent? 

Vocabulary 
colligative property 

freezing-point depression 

boiling-point elevation 

Reading Strategy 
Relating Text and Visuals 

As you read, look carefully at 

Figure 16.14. In your notebook, 

explain how this visual explains 

why equal molar solutions of dif¬ 

ferent substances can have differ¬ 

ent freezing point depressions 

and boiling point elevations. 

Figure 16.13 The vapor 

pressure of a solution of a 

nonvolatile solute is less than the 

vapor pressure of a pure solvent. 

O In a pure solvent, equilibrium 

is established between the liquid 

and the vapor. © In a solution, 

solute particles reduce the 

number of free solvent particles 

able to escape the liquid. 

Equilibrium is established at a 

lower vapor pressure. 

Interpreting Diagrams How 

is decreased vapor pressure 
represented in the diagram? 
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Glucose in solution 

Glucose 

W Sodium chloride in solution Calcium chloride in solution 

Figure 16.14 Particle 

concentrations differ for 

dissolved covalent and ionic 

compounds in water. © Three 

moles of glucose dissolved in 

water produce 3 mol of particles 

because glucose does not 

dissociate. 

© Three moles of sodium 

chloride dissolved in water 

produce 6 mol of particles 

because each formula unit of 

NaCI dissociates into two ions. 

O Three moles of calcium 

chloride dissolved in water 

produce 9 mol of particles 

because each formula unit of 

CaCI2 dissociates into three ions. 

In an aqueous solution of sodium chloride, sodium ions and chloride 

ions are dispersed throughout the liquid water. Both within the liquid and 

at the surface, the ions are surrounded by layers of associated water mole¬ 

cules, or shells of water of solvation. The formation of these shells of water 

of solvation reduces the number of solvent molecules that have enough 

kinetic energy to escape as vapor. Thus, the solution has a lower vapor pres¬ 

sure than the pure solvent (water) would have at the same temperature. 

Ionic solutes that dissociate, such as sodium chloride and calcium 

chloride, have greater effects on the vapor pressure than does a nondisso¬ 

ciating solute such as glucose. Recall that each formula unit of the ionic 

compound sodium chloride (NaCI) produces two particles in solution, a 

sodium ion and a chloride ion. Each formula unit of calcium chloride 

(CaCl2) produces three particles, a calcium ion and two chloride ions. 

When glucose dissolves, the molecules do not dissociate. Figure 16.14 

compares the number of particles in three solutions of the same concen¬ 

tration. The vapor- pressure lowering caused by 0.1 mol of sodium chloride 

in 1000 g of water is twice that caused by 0.1 mol of glucose in the same 

quantity of water. In the same way, 0.1 mol CaCl2 in 1000 g of water pro¬ 

duces three times the vapor-pressure lowering as 0.1 mol of glucose in the 

same quantity of water. <T^ The decrease in a solution’s vapor pressure is 

proportional to the number of particles the solute makes in solution. 

(^Checkpoint) Which compound affects the vapor pressure of a solution the 

least: glucose, sodium chloride, or calcium chloride? 

Go inline c -«aHD>5C^ 
INKS 

For: Links on Solutions 

Visit: www.SciL.inks.org 

Web Code: cdrnl 163 

Freezing-Point Depression 
When a substance freezes, the particles of the solid take on an orderly pat¬ 

tern. The presence of a solute in water disrupts the formation of this pat¬ 

tern because of the shells of water of solvation. As a result, more kinetic 

energy must be withdrawn from a solution than from the pure solvent to 

cause the solution to solidify. The freezing point of a solution is lower than 

the freezing point of the pure solvent. The difference in temperature 

between the freezing point of a solution and the freezing point of the pure 

solvent is the freezing-point depression. 
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Purpose 
To classify mixtures as solu 

tions or colloids using the 

Tyndall effect. 

Materials 
sodium hydrogen 

carbonate 

• cornstarch 

stirring rod 

• distilled water (or tap 

water) 

flashlight 

masking tape 

3 jars with parallel sides 

teaspoon 

• cup 

4 teaspoons water. 

2. Fill one jar with water. Add one half 

teaspoon sodium hydrogen carbonate 

to a second jar and fill with water. Stir 

to mix. Add the cornstarch paste to the 

third jar and fill with water. Stir to mix. 

3. Turn out the lights in the room. Shine 

the beam of light from the flashlight 

at each of the jars and record your 

observations. 

Analyze and Conclude 
1. In which of the jars was it possible to 

see the path of the beam of light? 

2. What made the light beam visible? 

3. If a system that made the light beam 

visible were filtered, would the light 

beam be visible in the filtrate? Explain. 

4. Predict what you would observe if you 

were to replace the sodium hydrogen 

carbonate with sucrose (cane sugar) 

or sodium chloride (table salt). 

5. Predict what you would observe if you 

were to replace the cornstarch with 

flour or diluted milk. 

6. Explain how you could use this 

method to distinguish a colloid from 

a suspension. 

Freezing-point depression is another colligative property. The 

magnitude of the freezing-point depression is proportional to the num¬ 

ber of solute particles dissolved in the solvent and does not depend upon 

their identity. The addition of 1 mol of solute particles to 1000 g of water 

lowers the freezing point by 1.86°C. For example, if you add 1 mol (180 g) of 

glucose to 1000 g of water, the solution freezes at -1.86°C. However, if you 

add 1 mol (58.5 g) of sodium chloride to 1000 g of water, the solution 

freezes at -3.72°C, double the change for glucose. This is because 1 mol 

NaCl produces 2 mol of particles, and thus doubles the freezing-point 

depression. The freezing-point depression of aqueous solutions makes 

walks and driveways safer when people, like the man in Figure 16.15, sprin¬ 

kle salt on icy surfaces to make the ice melt. The melted ice forms a solution 

with a lower freezing point than that of pure water. Similarly, ethylene gly¬ 

col (C2H602, antifreeze) is added to the water in automobile cooling sys¬ 

tems to depress the freezing point of the water below 0°C. Automobiles can 

thus withstand subfreezing temperatures without freezing up. 

Figure 16.15 Surfaces can be free of ice 

even at temperatures below freezing if salt 

is applied. Inferring Why would calcium 

chloride (CaCI2) be a better salt for this 
purpose than sodium chloride (NaCl)? 
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Figure 16.16 Cooling the boiling 

mixture, when the temperature on 

the candy thermometer reaches a 

certain value, gives you solid fudge. 

Boiling-Point Elevation 
The boiling point of a substance is the temperature at which the vapor 

pressure of the liquid phase equals atmospheric pressure. As you just 

learned, adding a nonvolatile solute to a liquid solvent decreases the vapor 

pressure of the solvent. Because of the decrease in vapor pressure, addi¬ 

tional kinetic energy must be added to raise the vapor pressure of the liquid 

phase of the solution to atmospheric pressure and initiate boiling. Thus the 

boiling point of a solution is higher than the boiling point of the pure sol¬ 

vent. The difference in temperature between the boiling point of a solution 

and the boiling point of the pure solvent is the boiling-point elevation. The 

same antifreeze, added to automobile engines to prevent freeze-ups in 

winter, protects the engine from boiling over in summer. 

Remember that boiling-point elevation is a colligative property; it 

depends on the concentration of particles, not on their identity. Thus you 

can think about boiling-point elevation in terms of particles. It takes addi¬ 

tional kinetic energy for the solvent particles to overcome the attractive 

forces that keep them in the liquid. Thus the presence of a solute elevates 

the boiling point of the solvent. (T^ The magnitude of the boiling-point 

elevation is proportional to the number of solute particles dissolved in 

the solvent. The boiling point of water increases by 0.512°C for every mole 

of particles that the solute forms when dissolved in 1000 g of water. 

Apparent applications of boiling point elevation are sometimes errone¬ 

ous or misleading. For example, to make fudge, a lot of sugar and some flavor¬ 

ings are mixed with water and the solution is boiled, as shown in Figure 16.16. 

As the water slowly boils away, the concentration of sugar in the solution 

increases. This may appear to be a case of boiling point elevation caused by 

an increased concentration of the solute, sugar. The real reason for the boiling 

point elevation is that the sugar decomposes into different substances as it is 

heated and this new mixture has a higher boiling point. The composition of 

the mixture will, when it is cooled, give you a delicious tasting treat. 

16.3 Section Assessment 

24. <2^ Key Concept What are three colligative prop¬ 

erties of solutions? 

25. 0^ Key Concept What factor determines how 

much the vapor pressure, freezing point, and boil¬ 

ing point of a solution differ from those properties 

of the pure solvent? 

26. Would a dilute or a concentrated sodium fluoride 

solution have a higher boiling point? Explain. 

27. An equal number of moles of KI and Mgl2 are 

dissolved in equal volumes of water. Which solu¬ 

tion has the higher 

a. boiling point? 

b. vapor pressure? 

c. freezing point? 

28. Explain why the vapor pressure, boiling point, 

and freezing point of an aqueous solution of a 

nonvolatile solute are not the same as those of 

the pure solvent. 

Connecting Concepts 

Vapor Pressure Review what you learned in 

Section 13.2 about the relationship between the 

vapor pressure of liquids and their boiling points. 

Explain why only nonvolatile solutes cause the 

elevation of the solvent's boiling point. 

^Textbook 
Assessment 16.3 Test yourself 

on the concepts in Section 16.3. 

>_with ChemASAP 
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Calculations Involving Colligative Properties 

II 

Connecting to Your World r ,. . * t. , 
^ Cooking instructions for a wide 

variety of foods, from dried pasta to packaged beans to frozen fruits to 

fresh vegetables, often call for the addition of a small amount of salt to the 

cooking water. Most people like the flavor of 

food cooked with salt. But adding salt can 

have another effect on the cooking pro¬ 

cess. Recall that dissolved salt elevates 

the boiling point of water. Suppose you 

added a teaspoon of salt to two liters of 

water. A teaspoon of salt has a mass of 

about 20 g. Would the resulting boiling 

point increase be enough to shorten 

the time required for cooking? In this 

section,you will learn how to calculate the 

amount the boiling point of the cooking 

water would rise. 

Molality and Mole Fraction 
Recall that colligative properties depend only upon solute concentration. 

The unit molality and mole fractions are two additional wayrs in which 

chemists express the concentration of a solution. The unit molality (m) is the 

number of moles of solute dissolved in 1 kilogram (1000 g) of solvent. 

Molality is also known as molal concentration. 

Molality = 
moles of solute 

kilogram of solvent 

Note that molality is not the same as molarity. Molality refers to moles of 

solute per kilogram of solvent rather than moles of solute per liter of solu¬ 

tion. In the case of water as the solvent, 1 kg or 1000 g equals a volume of 

1000 mL, or 1 L. 

You can prepare a solution that is 1.00 molal (1 m) in glucose, for exam¬ 

ple, by adding 1.00 mol (180 g) of glucose to 1000 g of water. Figure 16.17 

shows how a 0.500 molal (0.500m) solution in sodium chloride is prepared 

by dissolving 0.500 mol (29.3 g) of NaCl in 1.000 kg (1000 g) of water. 

Guide for Reading 

Key Concepts 
• What are two ways of 

expressing the concentration 

of a solution? 

• How are freezing-point 

depression and boiling-point 

elevation related to molality? 

Vocabulary 
molality (m) 

mole fraction 

molal freezing-point depression 

constant (Kf) 

molal boiling-point elevation 

constant {Kb) 

Reading Strategy 
Before you read, make a list of the 

vocabulary terms above. As you 

read, write the symbols or formu¬ 

las that apply to each term and 

describe the symbols or formulas 

using words. 

Figure 16.17 To make a 0.500m solution 1.000 kg 

of NaCl, use a balance to measure 1.000 kg H20- 

of water and add 0.500 mol (29.3 g) NaCl. 

Calculating What would be the molality 
if only 0.500 kg of water were used? 
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Figure 16.18 Ethylene 

glycol (EG) is added to 

water as antifreeze in the 

proportions shown. A mole 

fraction is the ratio of the 

number of moles of one 

substance to the total 

number of moles of all 

substances in the solution. 

Inferring What is the sum 

of all mole fractions in a 

solution? 

Total moles - (A) + (B) = 5.25 mol 

Mole fraction EG 

Mole fraction H20 

® = T25 

® + (B) " 5.25 

(D _ 400 

® + (D ~ 5.25 

SAMPLE PROBLEM 16.6 

Using Solution Molality 

How many grams of potassium iodide must be dissolved in 500.0 g of 

water to produce a 0.060 molal KI solution? 

fu Analyze List the knowns and the unknown. 

Knowns Unknown 

• mass of water = 500.Og = 0.5000 kg • mass of solute = ? g KI 

• solution concentration = 0.060m 

• molar mass KI = 166.0 g/mol 

According to the definition of molal, the final solution must contain 

0.060 mol KI per 1000 g H20. Use the molality as a conversion factor to 

convert from mass of water to moles of the solute (KI). Then use the 

molar mass of KI to convert from mol KI to g KI. The steps are 

Handbook 

For help with dimensional 

analysis, go to page R66. 

mass of H20 mol KI ■ ' g KI. 

Calculate Solve for the unknown. 

n nnnn un v 0-060 meTKI v ^O-OgK1 _ n „ 0.5000 kg HzO X ^ kg Hp X lmeHa 5.0 gKI 

Evaluate Does the result make sense? 

A 1 molal KI solution is one molar mass of KI (166.0 g) dissolved in 

1000 g of water. The desired molal concentration (0.060m) is about i 

of that value, so the mass of KI should be much less than the molar 

mass. The answer is correctly expressed to two significant figures. 

Textbook 

Problem-Solving 16.29 Solve 

Problem 29 with the help of an 

interactive guided tutorial. 

with ChemASAP 

Practice Problems 

29. How many grams of sodium 

fluoride are needed to prepare 

a 0.400m NaF solution that 

contains 750 g of water? 

30. Calculate the molality of a 

solution prepared by dissolv¬ 

ing 10.0 g NaCl in 600 g of 

water. 

The concentration of a solution also can be expressed as a mole frac¬ 

tion, as shown in Figure 16.18. The mole fraction of a solute in a solution is 

the ratio of the moles of that solute to the total number of moles of solvent 

and solute. In a solution containing nA mol of solute A and nB mol of solvent 

B, the mole fraction of solute A (XA) and the mole fraction of solvent B (XB) 

can be expressed as follows. 

x nA Y nB 
A nA + nB ab nA + „B 

(^Checkpoint) What is a mole fraction? 
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SAMPLE PROBLEM 16.7 

Calculating Mole Fractions 

hfth [till 
=9- q i-j-f" bl-U-H 

Figure 16.19 The concentration of 

antifreeze used in an automobile 

cooling system can be described 

by mole fractions. 

Ethylene glycol (C2H602) is added to automobile cooling systems to 

protect against cold weather. What is the mole fraction of each compo¬ 

nent in a solution containing 1.25 mol of ethylene glycol (EG) and 

4.00 mol of water? 

Analyze List the knowns and the unknowns. 

Knowns 

• moles of ethylene glycol (nEG) = 1.25 mol EG 

• moles of water (n^) = 4.00 mol H20 

Unknowns 

• mole fraction EG (XEC) = ? 

• mole fraction H20 (XH 0) = ? 

The mole fraction of ethylene glycol (XEG) in the solution is the number 

of moles of ethylene glycol divided by the total number of moles in 

the solution: 

-ia ^EG 
EG ^EG + %20 

Similarly, the mole fraction of water (XH 0) in the solution is the number 

of moles of water divided by the total number of moles in the solution: 

Y = nH2Q 

H2° + n, H,0 

O Calculate Solve for the unknowns. 

-^EG 
^EG 1.25 mol 

^EG ^,0 1.25 mol + 4.00 mol 

*H20 = 
UH20 4.00 mol 

^EG + ^H20 1.25 mol + 4.00 mol 

= 0.238 

0.762 

1 Evaluate Does the result make sense? 

The mole fraction is a dimensionless quantity. The sum of the mole 

fractions of all the components in a solution must equal 1. Note that 

-Xj:G + XH 0 = 1.000. Each answer is correctly expressed to three signif¬ 

icant figures. 

Practice Problems :1!41l.LI.il III L.i: 

31. What is the mole fraction 

of each component in a 

solution made by mixing 

300 g of ethanol (C2Hr,OH) 

and 500 g of water? 

32. A solution contains 50.0 g of 

carbon tetrachloride (CC14) 

and 50.0 g of chloroform 

(CHC13). Calculate the mole 

fraction of each component 

in the solution. 

Math Handhonk 

For help with using a 

calculator, go to page R62. 

a 

Problem-Solving 16.32 Solve 

Problem 32 with the help of an 

interactive guided tutorial. 

with ChemASAP 

Textbook 
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r Table 16.2 

Kf Values for Some 
Common Solvents 

Solvent Kf (°C/m) 
Water 1.86 

Acetic acid 3.90 

Benzene 5.12 

Nitrobenzene 7.00 

Phenol 7.40 

Cyclohexane 20.2 

Camphor 37.7 

Textbook 

Simulation 21 Discover 

the principle underlying the 

colligative properties of 

solutions. 

with ChemASAP 

Freezing-Point Depression 
and Boiling-Point Elevation 
The graph in Figure 16.20 shows that the freezing point of a solvent is low¬ 

ered and its boiling point is raised by the addition of a nonvolatile solute. 

The magnitudes of the freezing-point depression (A Tf) and the boiling- 

point elevation (ATb) of a solution are directly proportional to the molal con¬ 

centration (m), when the solute is molecular, not ionic. 

ATf °c m ATb °c m 

The change in the freezing temperature (ATf) is the difference between the 

freezing point of the solution and the freezing point of the pure solvent. Sim¬ 

ilarly, the change in the boiling temperature (ATb) is the difference between 

the boiling point of the solution and the boiling point of the pure solvent. 

The term m is the molal concentration of the solution. 

With the addition of a constant, the proportionality between the freezing 

point depression (ATf) and the molality m can be expressed as an equation. 

AT{ = K(X m 

The constant, K{, is the molal freezing-point depression constant, which is 

equal to the change in freezing point for a 1-molal solution of a nonvolatile 

molecular solute. The value of Kf depends upon the solvent. Its units are 

°CIm. Table 16.2 lists the Rvalues for water and some other solvents. 

The boiling-point elevation of a solution can also be expressed as an 

equation. 

ATb = KbX m 

The constant, Kb, is the molal boiling-point elevation constant, which is 

equal to the change in boiling point for a 1-molal solution of a nonvolatile 

molecular solute. The value of Kb depends upon the solvent. Its units are 

°CI m. Table 16.3 lists the Kb values for water and some other solvents. 

Figure 16.20 The graph 

shows the relationship be¬ 

tween vapor pressure and 

temperature for pure water 

and aqueous solutions. 

INTERPRETING GRAPHS 

a. identify What is the 

freezing point of water? 

What is the boiling point? CO 

b. Describe How do the 
Q_ 

freezing and boiling points <D 

of the solution compare to </) 
</> 
0) 

those of pure water? k 
Q_ 

c. Apply Concepts Does 
k. 
O 
Q. 

adding a solute to water 

allow it to remain as a liquid 

over a longer or shorter 

temperature range? Explain. 

s 

Vapor Pressure versus Temperature 
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Sample Problem 16.8 shows how these equations can be used for cal¬ 

culating AT{ and ATb of solutions if the solute is a molecular compound. For 

ionic compounds, both the freezing-point depression and the boiling- 

point elevation depend upon the number of ions produced by each for¬ 

mula unit. This number is used to calculate an effective molality, as shown 

in Sample Problem 16.9. 

SAMPLE PROBLEM 16.8 1111; 

Calculating the Freezing-Point Depression of a Solution 

Antifreeze protects a car from freezing. It also protects it from over¬ 

heating. Calculate the freezing-point depression and the freezing point 

of a solution containing 100 g of ethylene glycol (C2H602) antifreeze in 

0.500 kg of water. 

Analyze List the knowns and the unknowns. 

Knowns Unknown 

• mass of solute = 100 g C2H602 • AT{ = ?°C 

• mass of solvent = 0.500 kg H20 • freezing point = ?°C 

• Kf for H20 = 1.86°C/m 

• ATf = KfX m 

Calculate the number of moles of solute and the molality. Then calcu¬ 

late the freezing-point depression and freezing point. 

Calculate Solve for the unknown. 

moles C2H602 = lOOjgX^H^X, x 52 0gdCTI Q2 = mo^ 

m = 
mol solute _ 1.61 mol 
kg solvent 0.500 kg 

= 3.22 m 

ATf = Kf X m = 1.86°CIm X 3.22m = 5.99°C 

The freezing point of the solution is 0.00°C - 5.99°C = -5.99°C. 

Q Evaluate Does the result make sense? 

A 1-molal solution reduces the freezing temperature by 1.86°C, so a 

decrease of 5.99°C for an approximately 3-molal solution is reason¬ 

able. The answer is correctly expressed with three significant figures. 

Practice Problems f|j| ' | 

33. What is the freezing point 

depression of an aqueous 

solution of 10.0 g of glucose 

(C6H1206) in 50.0 g H20? 

34. Calculate the freezing-point 

depression of a benzene 

solution containing 400 g of 

benzene and 200 g of the 

molecular compound acetone 

(C3H60). K{ for benzene is 

5.12°C Im. 

Kb Values for Some 
Common Solvents 

Solvent Kb (°C/m) 
Water 0.512 

Ethanol 1.19 

Benzene 2.53 

Cyclohexane 2.79 

Acetic acid 3.07 

Phenol 3.56 

Nitrobenzene 5.24 

Camphor 5.95 

_ Handbook 

For help with algebraic 

equations, go to page R69. 

Problem-Solving 16.33 Solve 

Problem 33 with the help of an 

interactive guided tutorial. 

_with ChemASAP 

Section 16.4 Calculations Involving Colligative Properties 495 



__ Handbook 

For help with significant 

figures, go to page R59. 

@ 

Problem-Solving 16.36 Solve 

Problem 36 with the help of an 

interactive guided tutorial. 

>--with ChemASAP 

Textbook 

SAMPLE PROBLEM 16.9 

Calculating the Boiling Point of a Solution 

What is the boiling point of a 1.50m NaCl solution? 

Analyze List the knowns and the unknown. 

Unknown 

• boiling point = ?°C 
Knowns 
• concentration = 1.50m NaCl 

• Kh for H20 = 0.512°C/m 

• A Th = Kbxm 

Each formula unit of NaCl dissociates into two particles, Na+ and Ch. 

Based on the total number of dissociated particles, the effective molal¬ 

ity is 2 x 1.50m = 3.00m. Calculate the boiling-point elevation and 

then add it to 100°C. 

Calculate Solve for the unknown. 

0.512°C 
ATb = Kh x m = m X 3.00m = 1.54°C 

The boiling point of the solution is 100°C + 1.54°C = 101.54°C 

Evaluate Does the result make sense? 

The boiling point increases about 0.5°C for each mole of solute parti¬ 

cles, so the total change is reasonable. Because the boiling point of 

water is defined as exactly 100°C, this value does not limit the number 

of significant figures in the solution of the problem. 

Practice Problems 

35. What is the boiling point of 

a solution that contains 

1.25 mol CaCl2 in 1400 g of 

water? 

36. What mass of NaCl would 

have to be dissolved in 

1.000 kg of water to raise the 

boiling point by 2.00°C? 

16.4 Section Assessment 

kMi Handbook 
37. Key Concept What are two ways of expressing 

the ratio of solute particles to solvent particles? 

38. Key Concept How are freezing-point depres¬ 

sion and boiling-point elevation related to 

molality? 

39. How many grams of sodium bromide must be 

dissolved in 400.0 g of water to produce a 

0.500 molal solution? 

40. Calculate the mole fraction of each component in 

a solution of 2.50 mol ethanoic acid (CH3COOH) 

in 10.00 mol of water. 

41. What is the freezing point of a solution of 12.0 g of 

CC14 dissolved in 750.0 g of benzene? The freezing 

point of benzene is 5.48°C; i<Cf is 5.12°Chn. 

Element Distribution Look at the table on page 

R4 of the Elements Handbook showing the distribu¬ 

tion of elements in the oceans. What generalization 

can you make about the temperature at which 

ocean water will freeze? What effect does the pres¬ 

ence of dissolved elements in the ocean have on 

the rate of evaporation of ocean water? 

^ Textbook 

Assessment 16.4 Test yourself 

on the concepts in Section 16.4. 

with ChemASAP 
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Making a Solution 

Purpose 
To make a solution and use carefully measured data to 

calculate the solution's concentration. 

Materials 
• solid NaCI 

• water 

• 50-mL volumetric flask 

• balance 

Procedure 
Measure the mass of a clean, dry, volumetric flask. Add 

enough solid NaCI to approximately fill one-tenth of the 

volume of the flask. Measure the mass of the flask again. 

Half fill the flask with water and shake it gently until all the 

NaCI dissolves. Fill the flask with water to the 50-mL mark 

and measure the mass again. 

4. Molarity {M) tells how many moles of solute are 

dissolved in 1 L of solution. 

M _ mol NaCI 
[solution 

a. Calculate the liters of solution. 1000 mL = 1 L 

b. Calculate the molarity of the NaCI solution. 

Analyze 
Using your experimental data, record the answers to the 

following questions below your data table. 

1. Percent by mass tells how many grams of solute are 

present in 100 g of solution. 

5. Density tells how many grams of solution are present in 

1 mL of solution. 

Density 
g solution 

mL solution 

Calculate the density of the solution. 

% by mass 
mass of solute 

mass of solute + solvent 
x 100% 

a. Calculate the mass of the solute (NaCI). 

b. Calculate the mass of the solvent (water). 

c. Calculate the percent by mass of NaCI in the 

solution. 

2. Mole fraction tells how many moles of solute are 

present for every 1 mol of total solution. 

., , r .. mol NaCI 
Mole fraction = -q| NaCI + mol H20 

a. Calculate the moles of NaCI solute. 

Molar mass NaCI = 58.5 g/mol 

b. Calculate the moles of water. 

Molar mass H20 = 18.0 g/mol 

c. Calculate the mole fraction of your solution. 

3. Molality (m) tells how many moles of solute are present 

in 1 kg of solvent. 

_ mol NaCI 
m kg H20 

Calculate the molality of your solution. 

You're The Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Analyze It Use a small-scale pipet to extract a sample 

of your NaCI solution and deliver it to a massed empty 

volumetric flask. Measure the mass of the flask and fill 

it with water to the 50-mL line. Measure the mass of the 

flask again. Calculate the concentration of this dilute 

solution using the same units you used to calculate the 

concentration of the NaCI solution. Are the results you 

obtained reasonable? 

2. Design It! Design and carry out an experiment to 

make a solution of table sugar quantitatively. Calculate 

the concentration of the table sugar solution using the 

same units you used to calculate the concentration of 

the NaCI solution. Is the effective molality of the table 

sugar solution the same as the effective molality of a 

sodium chloride solution of the same concentration? 

Recall that effective molality is the concentration value 

used to calculate boiling-point elevation and freezing- 

point depression. 

..... 
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Study Guide 

Key Concepts 

<T^> 16.1 Properties of Solutions 

• Whether or not a substance dissolves 
depends upon the nature of the solvent and 
the solute. Factors that determine how fast a 
substance dissolves are stirring, tempera¬ 
ture, and surface area. 

• Solubility is usually expressed in grams of 
solute per 100 g of solvent. 

• The amount of solute that dissolves in a 
given solvent depends upon the temperature 
and pressure. 

16.2 Concentrations of Solutions 

• To calculate the molarity7 of a solution, divide 
the moles of solute by the volume of the 
solution in liters. 

• Diluting a solution does not change the total 
number of moles of solute in solution. 

• The concentration of a solution in percent is 
the ratio of the volume of the solute to the 
volume of the solution times 100% or the 
ratio of the mass of the solute to the mass of 
the solution times 100%. 

16.3 Colligative Properties of Solutions 

• Three colligative properties of solutions are 
vapor-pressure lowering, freezing-point 
depression, and boiling-point elevation. 

• The m agnitude of each colligative property is 
directly proportional to the number of solute 
molecules or ions present. 

16.4 Calculations Involving Colligative 
Properties 

• Molality and mole fractions are two addi¬ 
tional ways of expressing the concentration 
of a solution. 

• Freezing-point depression and boiling-point 
elevation are proportional to molality. 

Vocabulary 

• boiling-point elevation 
(p. 490) 

• concentrated solution (p. 480) 

• concentration (p. 480) 

• colligative property (p. 487) 

• dilute solution (p. 480) 

• freezing-point depression 
(p. 488) 

• Henry's law (p. 476) 

• immiscible (p. 473) 

• miscible (p. 473) 

• molal freezing-point depression 
constant (Af) (p. 494) 

• molal boiling-point elevation 
constant (Ay (p. 494) 

• molality7 (m) (p. 491) 

• molarity (M) (p. 480) 

• mole fraction (p. 492) 

• saturated solution (p. 473) 

• solubility (p. 473) 

• supersaturated solution 
(p. 474) 

• unsaturated solution (p. 473) 

Key Equations 

• Henry's law: 
”2 

- Molarity (M) = moles of solute 
J liters ol solution 

• Mj x Vj = M2 x V2 

Percent by volume = volume of solute 
volume of solution 

X 100% 

• Percent by mass 
mass of solute 

mass of solution 
x 100% 

Molality = --.fh-oles of solute 
J kilogram of solvent 

Mole fractions: X, = ■, _/v „ a nA+ nb nA + 

• AT{ = K{xm 

• ATb = Kbx m 
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CHAPTER 

16 
Reviewing Content 

16.1 Properties of Solutions 

42. Name and distinguish between the two compo¬ 

nents of a solution. 

43. Explain why the dissolved component does not 

settle out of a solution. 

44. Define the following terms: solubility, saturated 

solution, unsaturated solution, miscible, and 

immiscible. 

45. If a saturated solution of sodium nitrate is 

cooled, what change might you observe? 

46. Can a solution with undissolved solute be super¬ 

saturated? Explain. 

47. What mass of AgN03 can be dissolved in 250 g of 

water at 20°C? Use Table 16.1. 

48. What is the effect of pressure on the solubility of 

gases in liquids? 

49. The solubility of methane, the major component 

of natural gas, in water at 20°C and 1.00 atm 

pressure is 0.026 g/L. If the temperature remains 

constant, what will be the solubility of this gas at 

the following pressures? 

a. 0.60 atm b. 1.80 atm 

16.2 Concentrations of Solutions 

50. Knowing the molarity of a solution is more 

meaningful than knowing whether a solution is 

dilute or concentrated. Explain. 

51. Define molarity, then calculate the molarity of 

each solution. 

a. 1.0 mol KC1 in 750 mL of solution 

b. 0.50 mol MgCL, in 1.5 L of solution 

52. How many milliliters of 0.500MKC1 solution 

would you need to dilute to make 100.0 mL of 

0.100MKC1? 

53. Calculate the moles and grams of solute in each 

solution. 

a. 1.0 L of 0.50MNaCl 

b. 5.0 x 102 mL of 2.0MKNO3 

c. 250 mL of 0.10AL CaCl2 

54. Calculate the grams of solute required to make 

the following solutions. 

a. 2500 g of saline solution (0.90% NaCl (m/m)) 

b. 0.050 kg of 4.0% (m/m) MgCl2 

55. What is the concentration (in % (v/v)) of the 

following solutions? 

a. 25 mL of ethanol (C2LI5OH) is diluted to a 

volume of 150 mL with water. 

b. 175 mL of isopropyl alcohol (C3H7OH) is 

diluted with water to a total volume of 

275 mL. 

16.3 Colligative Properties of Solutions 

56. What are colligative properties? Identify three 

colligative properties and explain why each 

occurs. 

57. Which has the higher boiling point: 

a. seawater or distilled water? 

b. 1.0MKNO3 or 1.5MKN03? 

c. 0.100MKC1 or 0.100MMgCl2? 

58. Why does a lm solution of calcium nitrate have 

a lower freezing point than aim solution of 

sodium nitrate? 

59. Explain how a decrease in the vapor pressure of 

a solution results in an increase in its boiling 

point. 

60. In old-fashioned ice cream makers, a mixture 

of rock salt (NaCl) and ice is used to cool the 

creamy mixture as it is stirred. What is the 

purpose of the salt? 

16.4 Calculations Involving Colligative Properties 

61. Distinguish between a 1M solution and aim 

solution. 

62. Describe how you would make an aqueous solu¬ 

tion of methanol (CH3OH) in which the mole 

fraction of methanol is 0.40. 

63. What is the boiling point of each solution? 

a. 0.50 mol glucose in 1000 g H20 

b. 1.50 mol NaCl in 1000 g H20 

64. What is the freezing point of each solution? 

a. 1.40 mol Na2S04 in 1750 g H20 

b. 0.060 mol MgS04 in 100 g HzO 

65. Determine the freezing points of each 0.20m 

aqueous solution. 

a. K2S04 b. CsN03 c. A1(N03)3 

Assessment 499 



Assessment continued 

Understanding Concepts 

66. Different numbers of moles of two different sol¬ 

utes, A and B, were added to identical quantities 

of water. The graph shows the freezing point of 

each of the solutions formed. 

Freezing Point of Solutions 

• Freezing point A 

• Freezing point B 

Moles of solute (mol) 

a. Explain the relative slopes of the two lines 

between 0 and 2 mol of solute added. 

b. Why does the freezing point for solution A not 

continue to drop as amounts of solute A are 

added beyond 2.4 mol? 

67. Calculate the freezing- and boiling-point 

changes for a solution containing 12.0 g of 

naphthalene (C10H8) in 50.0 g of benzene. 

68. Describe how you would prepare an aqueous 

solution of acetone (CH3COCH3) in which the 

mole fraction of acetone is 0.25. 

69. The solubility of sodium hydrogen carbonate 

(NaHC03) in water at 20°C is 9.6 g/100 g H20. 

What is the mole fraction of NaHC03 in a satu¬ 

rated solution? What is the molality of the 

solution? 

70. A solution is labeled 0.150m NaCl. What are the 

mole fractions of the solute and solvent in this 

solution? 

71. You are given a clear aqueous solution contain¬ 

ing KN03. How would you determine experi¬ 

mentally if the solution is unsaturated, 

saturated, or supersaturated? 

72. Plot a graph of solubility versus temperature for 

the three gases listed in Table 16.1. 
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73. A mixture of ethylene glycol (EG) and water is 

used as antifreeze in automobile engines. The 

freezing point and density of the mixture vary 

with the percent by mass of (EG) in the mixture. 

On the following graph, point A represents 20% 

(EG) by mass; point B, 40%; and point C, 60%. 
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Density (g/cm3) 

a. What is the density of the antifreeze mixture 

that freezes at -25°C? 

b. What is the freezing point of a mixture that has 

a density of 1.06? 

c. Estimate the freezing point of a mixture that is 

30% by mass (EG). 

74. Calculate the freezing point and the boiling 

point of a solution that contains 15.0 g of urea 

(CH4N20) in 250 g of water. Urea is a covalently 

bonded compound. 

75. Calculate the mole fractions in a solution that is 

25.0 g of ethanol (C2H5OH) and 40.0 g of water. 

76. Estimate the freezing point of an aqueous solu¬ 

tion of 20.0 g of glucose (C6H1206) dissolved in 

500.0 g of water. 

77. The solubility of KC1 in water is 34.0 g KC1/100 g 

H20 at 20°C. A warm solution containing 50.0 g 

KC1 in 130 g I120 is cooled to 20°C. 

a. How many grams of KC1 remain dissolved? 

b. How many grams came out of solution? 

78. How many moles of ions are present when 

0.10 mol of each compound is dissolved in 

water? 

a. K2S04 b. Fe(N03)3 c. A12(S04)3 d. NiS04 
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Critical Thinking Concept Challenge 

79. A solution contains 26.5 g NaCl in 75.0 g H20 at 

20°C. Determine if the solution is unsaturated, 

saturated, or supersaturated. (The solubility of 

NaCl at 20°C is 36.0 g/100 g H20.) 

80. An aqueous solution freezes at -2.47°C. What is 

its boiling point? 

81. Hydrogen peroxide is often sold commercially as 

a 3.0% (m/v) aqueous solution. 

a. If you buy a 250-mL bottle of 3.0% H202 (m/v), 

how many grams of hydrogen peroxide have 

you purchased? 

b. What is the molarity of this solution? 

82. How many grams of NaNOs will precipitate if a 

saturated solution of NaN03 in 200 g H20 at 50°C 

is cooled to 20°C? 

83. What is the molar mass of a nondissociating 

compound if 5.76 g of the compound in 750 g of 

benzene gives a freezing-point depression of 

0.460°C? 

84. The molality of an aqueous solution of sugar 

(C12H22On) is 1.62m. Calculate the mole fractions 

of sugar and water. 

85. Why might calcium chloride spread on icy roads 

be more effective at melting ice than an equal 

amount of sodium chloride? 

86. The following table lists the molar concentra¬ 

tions of the most abundant monatomic ions in 

seawater. Calculate the mass in grams of each 

ion contained in 5.00 L of seawater. The density 

of seawater is 1.024 g/mL. 

Ion 
Molarity 

m 
Chloride 0.546 

Sodium 0.470 

Magnesium 0.053 

Calcium 0.0103 

Potassium 0.0102 

87. Which will have a greater boiling point elevation: 

3.00 g Ca(N03)2 in 60.0 g of water, or 6.00 g 

Ca(N03)2 in 30.0 g of water? 

88. When an excess of zinc is added to 800 mL of a 

hydrochloric acid solution, the solution evolves 

1.21 L of hydrogen gas measured over water at 

21°C and 747.5 mm Hg. What was the molarity 

of the acid? The vapor pressure of water at 21°C 

is 18.6 mm Hg. 

89. How many milliliters of 1.50MHNO3 contain 

enough nitric acid to dissolve an old copper 

penny with a mass of 3.94 g? 

3Cu + 8HN03-> 3Cu(N03)2 + 2NO + 4H20 

90. One way to express the solubility of a compound 

is in terms of moles of compound that will 

iil dissolve in 1 kg of water. Solubility depends on 

iliiij temperature. Plot a graph of the solubility of 

potassium nitrate (KN03) from the following 

data. 

Temperature (C°) Solubility (mol/kg) 

0 1.61 

20 2.80 

40 5.78 

60 11.20 

80 16.76 

100 24.50 

From your graph estimate 

a. the solubility of KN03 at 76°C and at 33°C. 

b. the temperature at which its solubility is 

17.6 mol/kg of water. 

c. the temperature at which the solubility is 

4.24 mol/kg of water. 

91. A 250-mL sample of Na2S04 is reacted with an 

excess of BaCl2. If 5.28 g BaS04 is precipitated, 

what is the molarity of the Na2S04 solution? 

92. Suppose you have an unknown compound and 

want to identify it by means of its molar mass. 

Design an experiment that uses the concept of 

freezing-point depression to obtain the molar 

mass. What laboratory measurements would 

you need to make? What calculations would be 

needed? 
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Assessment continued 

Cumulative Review 

93. A cylindrical vessel, 28.0 cm in height and 

3.00 cm in diameter, is filled with water at 50°C. 

The density of water is 0.988 g/ cm3 at this tem¬ 

perature. Express the mass of water in the vessel 

in the following units. (Chapter 3) 

a. grams 

b. milligrams 

c. kilograms 

94. Convert each of the following mass measure¬ 

ments to its equivalent in kilograms. (Chapters) 

a. 347 g b. 73 mg 

c. 9.43 mg d. 877 mg 

95. What is the most significant difference between 

the Thomson model of the atom and the Ruther¬ 

ford model? [Chapter 5) 

96. Name and give the symbol for the element in the 

following positions in the periodic table. 

[Chapter 6) 

a. Group 7B, period 4 b. Group 3A, period 5 

c. Group 1A, period 7 d. Group 6A, period 6 

97. How many atoms of each element are present in 

four formula units of calcium permanganate? 

(Chapter 6) 

98. Terephthalic acid is an organic compound used 

in the synthesis of polyesters. Terephthalic acid 

contains 57.8 percent C, 3.64 percent H, and 

38.5 percent O. The molar mass is approximately 

166 g/mol. What is the molecular formula of 

terephthalic acid? [Chapter 10) 

99. The photograph shows one mole each of iron, 

copper, mercury, and sulfur. [Chapter 10) 

a. What is the mass of each element? 

b. How many atoms are in each sample? 

c. How many moles is 25.0 g of each element? 

100. What is the volume occupied by 1500 g of 

hydrogen gas (H2) at STP? [Chapter 10) 

101. Identify the type of chemical reaction. 

[Chapter 11) 

a. H2(g) + Cl2(g)-> 2HCl(g) 

b. 2H20(Z)-> 02(g) + 2H2(g) 

c. 2K(s) + 2H20(/)-> 2KOH(«<:/) + H2(g) 

d. C2H60(7) + 302(g)-> 2C02(g) + 3H20(Z) 

e. Cl 2[aq) + 2KBr(a^)->2KCl[aq) + Br 2[aq) 

f. Pb(N03)2(a<7) + 2NaCl [aq)-^ 

PbCl2(s) + 2NaNQ3(a£jO 

102. Write the net ionic equation for the following 

reaction. [Chapter 11) 

2Ul[aq) + Na2S [aq)-^H2S(g) + 2Nal[aq) 

103. Indicate by simple equations how the following 

substances ionize or dissociate in water. 

[Chapter 11) 

a. NH4C1 b. Cu(N03)2 c. HN03 

d. HC2H302 e. Na2SC)4 f. IigCl2 

104. The equation for the combustion of methanol 

(CHgOH) is the following: 

2CH3OH(7) + 3Q2(g)-> 2COz(g) + 4H20(Z) 

What volume of oxygen, measured at STP, is 

required to completely burn 35.0 g of metha¬ 

nol? [Chapter 12) 

105. Draw electron dot structures for the following 

atoms, [Chapter 7) 

a. I b. Te c. Sb d. Sr 

106. A cylinder of nitrogen gas at 25°C and 101.3 kPa 

is heated to 45°C. What is the new pressure of 

the gas? [Chapter 14) 

107. Why does an ideal gas not exist? [Chapter 14) 

108. What relationship exists between surface ten¬ 

sion and intermolecular attractions in a liquid? 

[Chapter 15) 

109. The solubility of hydrogen chloride gas in the 

polar solvent water is much greater than its 

solubility in the nonpolar solvent benzene. 

Why? [Chapter 15) 

110. When soap is shaken with water, is a solution, a 

suspension, or a colloid formed? Explain. 

[Chapter 15) 
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Standardized Test Prep 

Test-Taking Tip 

Interpreting Data Tables Tables present a large 
amount of data in a small space. They allow you to 
make comparisons and to analyze the information 
present. Start by reading the title (if there is one). 
Then read the headings. Try to figure out the rela¬ 
tionship between the different columns and rows 
of information. Ask yourself some questions: What 
information is related in the table? How are the rela¬ 
tionships represented? 

Select the choice that best answers each question or 

completes each statement. 

1. Ail aqueous solution is 65% (v/v) rubbing alco¬ 
hol. How many milliliters of water are in a 95-mL 
sample of this solution? 
a. 62 mL b. 1.5 mL c. 33 mL d. 30 mL 

2. Which of these actions will cause more sugar to 
dissolve in a saturated sugar water solution? 

I. Add more sugar while stirring. 
II. Add more sugar and heat the solution. 

III. Grind the sugar to a powder; then add 
while stirring. 

a. I only 
b. II only 
c. Ill only 
d. I and II only 
e. II and III only 

3. When 2.0 mol of methanol is dissolved in 45 g of 
water, the mole fraction of methanol is 
a. 0.44. b. 0.043. c. 2.25. d. 0.55. 

The lettered choices below refer to Questions 4-7. 

A lettered choice may be used once, more than once, 

or not at all. 

A. moles/liter of solution 
B. grams/mole 
C. moles/kilogram of solvent 
D. °C/molal 
E. no units 

Which of the above units is appropriate for each 

measurement? 

4. molality 

5. mole fraction 

6. molar mass 

7. molarity 

Use the description and the data table to answer 
Questions 8-11. 

A student measured the freezing points of three 
different aqueous solutions at five different concen¬ 
trations. The data table summarizes the data. 

Molarity (M) 

Freezing Point Depression (°C) 

NaCI CaCI2 C2HsOH 

0.5 1.7 2.6 0.95 

1.0 3.5 5.6 2.0 

1.5 5.3 8.3 3.0 

2.0 7.2 11.2 4.1 

2.5 9.4 14.0 5.3 

8. Graph the data for all three solutes on the same 
graph, using molarity as the independent 
variable. 

9. Summarize the relationship between molarity 
and freezing-point depression. 

10. Compare the slopes of the three lines and 
explain any difference. 

11. If you collected similar data for KOH and added 
a fourth line to your graph, which existing line 
would the new line approximate? 

Use the atomic windows to answer Questions 12-14. 
The windows show water and two aqueous solutions 
with different concentrations. The red spheres repre¬ 
sent the solute particles; the blue spheres represent 
water. 

a*® 

b. 

3 
3 3 

» v® 
a »3 

12. Which solution has the highest vapor pressure? 

13. Which solution has the lowest vapor pressure? 

14. Which solution has the lowest boiling point? 

Write a brief essay to answer Question 15. 

15. Describe how you would prepare 100 mL of 
0.50M KC1 starting with a stock solution that is 
2.0MKC1. 
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absorbs heat as it is 
toasted over a fire 

Activity 

Observing Heat Flow 
Materials 

a clean, medium-sized rubber band 

Procedure HH 

1. Hook your index fingers through each end of the 

rubber band. Without stretching the rubber band, 

place it against your upper lip or forehead. Note 

the temperature of the rubber band. CAUTION If 

you are allergic to latex, do not handle rubber bands. 

2. Move the rubber band away from your skin, 

quickly stretch and hold it, and then place it back 

against your skin. Note any temperature change. 

3. Fully stretch the rubber band, and then allow it to 

return to its original shape. Place it against your 

skin and note any temperature change. 

4. Repeat Steps 2 and 3 until you are certain of the 

temperature change in each step. 

Think About It 

1. Did the rubber band feel cooler or warmer after it 

was stretched in Step 2? 

2. Did the rubber band feel cooler or warmer after it 

returned to its original shape in Step 3? 

3. Think about the temperature changes you 

observed and form some initial answers to the 

following questions. What is heat? In what direc¬ 

tion does heat flow? 



17.1 The Flow of Energy—Heat and Work 

Connecting to Your World Lava flowing out of an 

erupting volcano is very hot. Its temperature ranges from 550°C to 

1400°C. As lava flows down the side of a volcano, it loses heat and 

begins to cool slowly. In some instances, 

the lava may flow into the ocean, 

where it cools more rapidly. In this 

section, you will learn about heat 

flow and why some substances 

cool down or heat up more quickly 

than others. 

Guide for Reading 

Key Concepts 
• In what direction does heat 

flow? 

• What happens in endothermic 

and exothermic processes? 

• In what units is heat flow 

measured? 

• On what two factors does the 

heat capacity of an object 

depend? 

Energy Transformations 
Energy is the capacity for doing work or supplying heat. Unlike matter, 

energy has neither mass nor volume. Energy is detected only because of its 

effects—for example, the motion of the race car in Figure 17.1. 

Thermochemistry is the study of energy changes that occur during 

chemical reactions and changes in state. Every substance has a certain 

amount of energy stored inside it. The energy stored in the chemical bonds 

of a substance is called chemical potential energy. The kinds of atoms and 

their arrangement in the substance determine the amount of energy stored 

in the substance. 

During a chemical reaction, a substance is transformed into another 

substance with a different amount of chemical potential energy. When you 

buy gasoline, you are actually buying the stored potential energy it con¬ 

tains. The controlled explosions of the gasoline in a car’s engine transform 

the potential energy into useful work, which can be used to propel the car. 

At the same time, however, heat is also produced, making the car’s engine 

extremely hot. Energy changes occur as either heat transfer or work, or a 

combination of both. 

Heat, represented by q, is energy that transfers from one object to 

another because of a temperature difference between them. One of the 

effects of adding heat to an object is an increase in its temperature. It is the 

radiant heat of the sun’s rays that makes a summer day hot. In this 

example, the air is the object that absorbs heat and increases in 

temperature. Heat always flows from a warmer object to a 

cooler object. If two objects remain in contact, heat will flow 

from the warmer object to the cooler object until the 

temperature of both objects is the same. 

Figure 17.1 When fuel is 

burned in a car engine, 

chemical potential energy is 
released and is used to do work. 

Vocabulary 
thermochemistry 

chemical potential energy 

heat 

system 

surroundings 

law of conservation of energy 

endothermic process 

exothermic process 

heat capacity 

specific heat 

Reading Strategy 
Building Vocabulary As you 

read the section, write a definition 

of each vocabulary term in your 

own words. 



Word Origins 
Exothermic comes from the 

Greek words exo, meaning 

"outside of," and therme, 

meaning "heat." Based on 

the characteristics of 

endothermic reactions, 

what do you think the 

Greek prefix endo- means? 

Exothermic and Endothermic Processes 
Chemical reactions and changes in physical state generally involve either 

the release or the absorption of heat. In studying energy changes, you can 

define a system as the part of the universe on which you focus your atten¬ 

tion. The surroundings include everything else in the universe. In thermo¬ 

chemical experiments, you can consider the region in the immediate 

vicinity of the system as the surroundings. Together, the system and its sur¬ 

roundings make up the universe. A major goal of thermochemistry is to 

examine the flow of heat between the system and its surroundings. The law 

of conservation of energy states that in any chemical or physical process, 

energy is neither created nor destroy ed. If the energy of the system decreases 

during that process, the energy' of the surroundings must increase by the 

same amount so that the total energy of the universe remains unchanged. 

In thermochemical calculations, the direction of the heat flow is 

given from the point of view of the system. An endothermic process is one 

that absorbs heat from the surroundings. In an endothermic process, 

the system gains heat as the surroundings cool down. In Figure 17.2a, the 

system (the person) gains heat from its surroundings (the fire). Heat flowing 

into a system from its surroundings is defined as positive; q has a positive 

value. An exothermic process is one that releases heat to its surroundings. 

<T^ In an exothermic process, the system loses heat as the surroundings 

heatup. In Figure 17.2b, the system (the body) loses heat to the surround¬ 

ings (the perspiration on the skin, and the air). Heat flowing out of a system 

into its surroundings is defined as negative; q has a negative value because 

the system is losing heat. 

(^Checkpoint) What does the law of conservation of energy state? 

Figure 17.2 Heat flow is defined from the point of view of the system. 

Q In an endothermic process, heat flows into the system from the 
surroundings. © In an exothermic process, heat flows from the 
system to the surroundings. In both cases, energy is conserved. 

Interpreting Diagrams In which process does q have a negative value? 
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CONCEPTUAL PROBLEM 17.1 

Recognizing Exothermic and Endothermic Processes 
On a sunny winter day, the snow on a rooftop begins to melt. As the melt¬ 

water drips from the roof, it refreezes into icicles. Describe the direction of 

heat flow as the water freezes. Is this process endothermic or exothermic? 

Analyze Identify the relevant concepts. 

Heat always flows from a warmer object to a 

cooler object. An endothermic process absorbs 

heat from the surroundings. An exothermic 

process releases heat to the surroundings. 

Solve Apply concepts to this situation. 

In order for water to freeze, its temperature 

must decrease. So heat must flow out of the 

water (the system). Because heat is released 

from the system to the surroundings (the air), 

the process is exothermic. 

Practice Problems 

1. A container of melted paraffin wax is allowed to 

stand at room temperature until the wax solidi¬ 

fies. What is the direction of heat flow as the 

liquid wax solidifies? Is the process exothermic 

or endothermic? 

2. When solid barium hydroxide octahydrate 

(Ba(0H)2'8H20) is mixed in a beaker with solid 

ammonium thiocyanate (NH4SCN), a reaction 

occurs. The beaker quickly becomes very cold. Is 

the reaction exothermic or endothermic? 

Textbook 

Units for Measuring Heat Flow 
Describing the amount of heat flow requires units different than those used 

to describe temperature. Heat flow is measured in two common 

units, the calorie and the joule. 

You have probably heard of someone exercising to “burn calories.” 

During exercise your body breaks down sugars and fats into carbon dioxide 

and water, and this process releases heat. Although there is not an actual 

fire burning the sugars and fats within your body, chemical reactions 

accomplish the same result. In breaking down 10 g of sugar, for example, 

your body releases a certain amount of heat. The same amount of heat 

would be released if 10 g of sugar were completely burned in a fire. 

A calorie (cal) is defined as the quantity of heat needed to raise the tem¬ 

perature of 1 g of pure water 1°C. The word calorie is written with a small c 

except when referring to the energy contained in food. The dietary Calorie, 

written with a capital C, always refers to the energy in food. One dietary 

Calorie is actually equal to one kilocalorie, or 1000 calories. 

Problem-Solving 17.1 Solve 

Problem 1 with the help of an 

interactive guided tutorial. 

__with ChemASAP 

1 Calorie = 1 kilocalorie = 1000 calories 

The statement “10 g of sugar has 41 Calories” means that 10 g of sugar 

releases 41 kilocalories of heat when completely burned. 

The joule is the SI unit of energy. One joule of heat raises the tempera¬ 

ture of 1 g of pure water 0.2390°C. You can convert between calories and 

joules using the following relationships. 

1J = 0.2390 cal 4.184J = lcal 
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Figure 17.3 A massive steel 
girder has a higher heat capacity 
than a steel nail. Inferring What 

factors affect how quickly the 
different areas of a construction 
site will heat up during the day7 

Heat Capacity and Specific Heat 
The amount of heat needed to increase the temperature of an object 

exactly 1°C is the heat capacity of that object. The heat capacity of an 

object depends on both its mass and its chemical composition. The greater 

the mass of the object, the greater its heat capacity. One of the massive steel 

girders in Figure 17.3, for example, requires much more heat to raise its 

temperature 1°C than a small steel nail does. Similarly, a cup of water has a 

much greater heat capacity than a drop of water. 

Different substances with the same mass may have different heat 

capacities. On a sunny day, a 20-kg puddle of water may be cool, while a 

nearby 20-kg iron sewer cover may be too hot to touch. This situation illus¬ 

trates how different heat capacities affect the temperature of objects. 

Assuming that both the water and the iron absorb the same amount of 

radiant energy7 from the sun, the temperature of the water changes less 

than the temperature of the iron because the specific heat capacity of water 

is larger. 

The specific heat capacity, or simply the specific heat, of a substance is 

the amount of heat it takes to raise the temperature of 1 g of the substance 

1°C. Table 17.1 gives specific heats for some common substances. Water 

has a very high specific heat compared with the other substances in the 

table. You can see from the table that one calorie of heat raises the tem¬ 

perature of 1 g of water 1°C. Metals, however, have low specific heats. 

One calorie of heat raises the temperature of 1 g of iron 9°C. So water has 

a specific heat nine times that of iron. The same amount of heat affects 

the temperature of objects with a high specific heat much less than the 

temperature of those with a low specific heat. 

Specific Heats of Some Common Substances 

■ —' --- 
Substance Specific Heat 

J/(g*°C) cal/(g*°C) 

Water 4.18 1.00 

Grain alcohol 2.4 0.58 

Ice 2.1 0.50 

Steam 1.7 0.40 

Chloroform 0.96 0.23 

Aluminum 0.90 0.21 

Iron 0.46 0.11 

Silver 0.24 0.057 

Mercury 0.14 0.033 



Just as it takes a lot of heat to raise the temperature of water, water 

also releases a lot of heat as it cools. Water in lakes and oceans absorbs 

heat from the air on hot days and releases it back into the air on cool days. 

This property of water is responsible for moderate climates in coastal 

areas. Figure 17.4 illustrates two other common effects associated with 

the high specific heat of water. The orange trees in Figure 17.4a have been 

sprayed with water to protect the fruit from frost damage during icy 

weather. As the water freezes, it releases heat, which helps prevent the 

fruit from freezing. In Figure 17.4b, the label on a box of apple pie warns 

that the “filling is hot.” When a freshly baked apple pie comes out of the 

oven, both the filling and crust are at the same temperature. However, the 

filling, which is mostly water, has a higher specific heat than the crust. In 

order to cool down, the filling must give off a lot of heat. This is why you 

have to be careful not to burn your tongue when eating hot apple pie. 

To calculate the specific heat (C) of a substance, you divide the heat 

input by the temperature change times the mass of the substance. 

q heat (joules or calories) 

^ ~ mX AT ~ mass(g) X change in temperature (°C) 

In the equation above, q is heat and m is mass. The symbol AT (read “delta 

T”) represents the change in temperature. ATis calculated from the equa¬ 

tion AT = Tf - 7j, where Tf is the final temperature and 7] is the initial 

temperature. As you can see from the equation, specific heat may be 

expressed in terms of joules or calories. Therefore, the units of specific heat 

are either J/(g-°C) or cal/(g-°C). 

(^Checkpoint) What is the relationship between specific heat and heat 

capacity? 

Figure 17.4 Water releases a lot 

of heat as it cools. © During 
freezing weather, farmers protect 

citrus crops by spraying them 
with water. The ice that forms has 
a protective effect as long as 

its temperature does not drop 

much below 0°C. © Because it is 
mostly water, the filling of a hot 
apple pie is much more likely to 

burn your tongue than the crust. 
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SAMPLE PROBLEM 17.1 

Math Handbook 

For help with algebraic 
equations, go to page R69. 

Textbook 

Problem-Solving 17.4 Solve 
Problem 4 with the help of an 
interactive guided tutorial. 

-with ChemASAP 

Calculating the Specific Heat of a Metal 

The temperature of a 95.4-g piece of copper increases from 25.0°C to 

48.0°C when the copper absorbs 849 J of heat. What is the specific heat 

of copper? 

Analyze List the knowns and the unknown. 

Knowns 

• mCu = 95.4g 

•AT= (48.0°C - 25.0°C) = 23.0°C 

• q = 849 J 

Unknown 

.CCu = ?J/(g-°C) 

O Calculate Solve for the unknown. 

Use the known values and the definition of specific heat, 

C = 
q 

m x AT 
, to calculate the unknown value Cqu. 

p — q —_9 J_ rj 007 T/rrr.°C'\ 

ucu m X AT 95.4 g X 23.0°C 

B’: Evaluate Does the result make sense? 

Water has a very high specific heat (4.18 J/(g-°C)). Metals, however, 

have low specific heats, so the calculated value of 0.387 J/(g-°C) seems 

reasonable. 

Practice Problems 

3. When 435 ] of heat is added to 

3.4 g of olive oil at 21°C, the 

temperature increases to 85°C. 

What is the specific heat of the 

olive oil? 

4. How much heat is required to 

raise the temperature of 250.0 g 

of mercury 52°C? 

17.1 Section Assessment 

5. Key Concept In what direction does heat flow 

between two objects? 

6. Key Concept How do endothermic processes 

differ from exothermic processes? 

7. Key Concept What units are used to measure 

heat flow? 

8. Key Concept On what factors does the heat 

capacity of an object depend? 

9. Using calories, calculate how much heat 32.0 g of 

water absorbs when it is heated from 25.0°C to 

80.0°C. How many joules is this? 

10. A chunk of silver has a heat capacity of 42.8 J/°C 

and a mass of 181 g. Calculate the specific heat 

of silver. 

11. How many kilojoules of heat are absorbed when 

1.00 L of water is heated from 18°C to 85°C? 

Writing ^Activity 

Explanatory Paragraph Use the concept of heat 
capacity to explain why on a sunny day the concrete 

deck around an outdoor swimming pool becomes 
hot, while the water stays cool. 

Textbook 

Assessment 17.1 Test yourself on 
the concepts in Section 17.1. 

_with ChemASAP 

* 
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Measuring and Expressing 
Enthalpy Changes 

Connecting to Your World . , , . ., 
3 As you know, a burning match 

gives off heat. When you strike a match, heat is released to the sur¬ 

roundings in all directions.You can classify this reaction as exothermic, in 

addition to describing the direction of heat flow, you 

may also want to determine the quantity of heat 

that is transferred. How much heat does a 

burning match release to the surroundings? 

In this section, you will learn how you can 

measure heat flow in chemical and phys¬ 

ical processes by applying the concept of 

specific heat. 

Calorimetry 
Heat that is released or absorbed during many chemical reactions can be 

measured by a technique called calorimetry. Calorimetry is the precise 

measurement of the heat flow into or out of a system for chemical and 

physical processes. <T^ In calorimetry, the heat released by the system is 

equal to the heat absorbed by its surroundings. Conversely, the heat absorbed 

by a system is equal to the heat released by its surroundings. The insulated 

device used to measure the absorption or release of heat in chemical or 

physical processes is called a calorimeter. 

Constant-Pressure Calorimeters Foam cups are excellent heat insu¬ 

lators. Because they do not let much heat in or out, they can be used as simple 

calorimeters. In fact, the heat flows for many chemical reactions can be 

measured in a constant-pressure calorimeter similar to the one shown in 

Figure 17.5. Because most chemical reactions and physi¬ 

cal changes carried out in the laboratory are open to the 

atmosphere, these changes occur at constant pressure. The 

heat content of a system at constant pressure is the same as 

a property called the enthalpy (H) of the system. The heat 

released or absorbed by a reaction at constant pressure is 

the same as the change in enthalpy, symbolized as AH. 

Because the reactions presented in this textbook occur at 

constant pressure, the terms heat and enthalpy change are 

used interchangeably. In other words, q = AH. 

Figure 17.5 In a simple constant-pressure 

calorimeter, a thermometer records the 
temperature change as chemicals react in 
water. The substances reacting in solution 

constitute the system. The water constitutes 

the surroundings. 

Guide for Reading 

Key Concepts 
• What basic concepts apply 

to calorimetry? 

• How can you express the 

enthalpy change for a reaction 

in a chemical equation? 

Vocabulary 
calorimetry 

calorimeter 

enthalpy 

thermochemical equation 

heat of reaction 

heat of combustion 

Reading Strategy 

Relating Text and Visuals As 

you read, look at Figure 17.7. 

Explain how these diagrams help 

you understand exothermic and 

endothermic processes. 

Thermometer 

Stirrer 

Water 
(where reaction 
takes place) 

Foam lid 
(loose fitting) 

Nested 
foam cups 
(insulation) 
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For: Links on enthalpy 
Visit: www.SciLinks.org 
Web Code: cdn-1172 

Figure 17.6 Nutritionists use 
bomb calorimeters to measure 

the energy content of the foods 
you eat. To see some of their 

data (expressed in Calories per 
serving), you can look at a 
nutrition label. Calculating 
According to the nutrition label 
below, each serving contains 

140 Calories. How many 
kilojoules is this? 

Nutrition Facts 
Serving Size 1 Cookie (26 g / 0.9 oz.) 

Servings Per Container 8 

Amount Per Serving 

Calories 140 Calories from Fat 70 

% Daily Value* 

Total Fat 8g 12% 

Saturated Fat 2.5 g 13% 

Polyunsaturated Fat Og 

Monounsaturated Fat 3 g 

Cholesterol 10 mg 3% 

Sodium 80 mg 3% 

Total Carbohydrate 16 g 5% 

Dietary Ft 

To measure the enthalpy change for a reaction in aqueous solution in a 

foam cup calorimeter, you dissolve the reacting chemicals (the system) in 

known volumes of water (the surroundings). Then measure the initial tem¬ 

perature of each solution and mix the solutions in the foam cup. After the 

reaction is complete, measure the final temperature of the mixed solutions. 

Because you know the initial and final temperatures and the heat capacity 

of water, you can calculate the heat absorbed by the surroundings (£7surr) 

using the formula for specific heat. 

<7surr = m X C X A T 

In this expression, m is the mass of the water; C is the specific heat of water; 

and AT = 7f — 7], Because the heat absorbed by the surroundings is equal 

to, but has the opposite sign of, the heat released by the system, the 

enthalpy change for the reaction {AH) can be written as follows. 

c/SyS = AH = — qsurr = —mx Cx AT 

The sign of AH is negative for an exothermic reaction and positive for an 

endothermic reaction. 

Constant-Volume Calorimeters Calorimetry experiments can also be 

performed at constant volume using a device called a bomb calorimeter. In 

a bomb calorimeter, shown in Figure 17.6, a sample of a compound is 

burned in a constant-volume chamber in the presence of oxygen at high 

pressure. The heat that is released warms the water surrounding the cham¬ 

ber. By measuring the temperature increase of the water, it is possible to 

calculate the quantity of heat released during the combustion reaction. 

ffi^Checkpoint) What formula is used to calculate the enthalpy change in a 

constant-pressure calorimeter? 

Insulated 
outer container 

Sample to 
be burned 

Steel bomb 

Water 

Firing element 

Oxygen 
high pressure 

Electrical leads 

Oxygen i 
valve 
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SAMPLE PROBLEM 17.2 

Enthalpy Change in a Calorimetry Experiment 

When 25.0 mL of water containing 0.025 mol HC1 at 25.0°C is added 

to 25.0 mL of water containing 0.025 mol NaOH at 25.0°C in a foam 

cup calorimeter, a reaction occurs. Calculate the enthalpy change 

in kj) during this reaction if the highest temperature observed is 

32.0°C. Assume the densities of the solutions are 1.00 g/mL. 

□ Analyze List the knowns and the unknown. 
f 

Knowns 

• Qvater = 4.18 J/(g-°C) • 7] = 25.0°C 

• Vfinal = VHC1 + VNaOH * Tf = 32-°°C 

= 25.0 mL + 25.0 mL = 50.0 mL • Densitysoiution = 1.00 g/mL 

Unknown 

• A H = ? kj 

Use dim ensional analysis to determine the mass of the water. You must 

also calculate A T. Use AH = — gSUrr = ~ m X C X AT to solve for AH. 

§ps£f 
H I 

A Calculate Solve for the unknown. 

First, calculate the total mass of the water. 

1.00 g 
m = (50.0 mL) X ( ) = 50.0 g 

Now calculate AT. 

AT = Tf - 7} = 32.0°C - 25.0°C = 7.0°C 

Use the values for m, 0^^, and ATto calculate AH. 

AH = -m X C X AT = -(50.0g)(4.18 J/(g X °£))(7.0°Je) 

= -1463 J = -1.5 X 103J = -1.5 kj 

Evaluate Does the result make sense? 

The sign of AH is negative; the reaction releases 1.5 kj of heat to the 

water. The heat released by the system (the reaction) equals the heat 

absorbed by the surroundings (the water). About 4 J of heat raises the 

temperature of 1 g of water 1°C; 50 g of water requires about 200 J. To 

heat 50 g of water 7°C requires about 1400 J, or 1.4 kj. This estimated 

answer is very close to the calculated value of AH. 

Practice Problems 

12. When 50.0 mL of water con¬ 

taining 0.50 mol HC1 at 22.5°C 

is mixed with 50.0 mL of 

water containing 0.50 mol 

NaOH at 22.5°C in a calorime¬ 

ter, the temperature of the 

solution increases to 26.0°C. 

How much heat (in kj) was 

released by this reaction? 

■ H-: nftH n ft FT 

13. A small pebble is heated 

and placed in a foam cup 

calorimeter containing 

25.0 mL of water at 25.0°C. 

The water reaches a maxi¬ 

mum temperature of 26.4°C. 

How many joules of heat 

were released by the pebble? 

Math Handbook 

For help with dimensional 
analysis, go to page R66. 

Textbook 

Problem-Solving 17.13 

Solve Problem 13 with the help 
of an interactive guided tutorial. 

-with ChemASAP 
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Firefighter 
If you are courageous, team- 

oriented, and have a strong sense 

of public service, you may wish to 

consider a career as a firefighter. 

Firefighters respond to fires, 

medical emergencies, and haz¬ 

ardous chemical spills. In 

responding to a fire, firefighters 

must know what types of chemi¬ 

cals can be used on different types 

of fires. Having knowledge of the 

requirements of different chemi¬ 

cal fires and spills enables fire¬ 

fighters to put out rather than feed 

fires. Regular reviews of fire sci¬ 

ence literature keep firefighters 

up to date on current technology 

developments and policy changes. 

Firefighters also engage in physi¬ 

cal fitness activities to build stam¬ 

ina and improve agility. 

Although the job is hazardous 

and includes unpredictable 

hours, competition for jobs is rel¬ 

atively high. To become a fire¬ 

fighter, you must be at least 18 

years of age with a high school 

education or equivalent. Selection 

for positions in fire departments 

often depends on passing a written 

test as well as a medical examina¬ 

tion. Once hired, training consists 

of instruction in firefighting and 

rescue techniques, emergency 

medical procedures, basic chemis¬ 

try? of fires and firefighting, and 

instruction in local building codes 

and fire prevention methods. 

rGo ^Inline 
'-PHSchool.com 

For: Careers in Chemistry 

Visit: PHSchool.com 

Web Code: cdb-1172 

Thermochemical Equations 
If you mix calcium oxide with water, the water in the mixture becomes 

warm. This exothermic reaction occurs when cement, which contains cal¬ 

cium oxide, is mixed with water to make concrete. When 1 mol of calcium 

oxide reacts with 1 mol of water, 1 mol of calcium hydroxide forms and 

65.2 k] of heat is released. In a chemical equation, the enthalpy change 

for the reaction can be written as either a reactant or a product. In the equa¬ 

tion describing the exothermic reaction of calcium oxide and water, the 

enthalpy change can be considered a product. 

CaO(s) + H20(Z) -* Ca(OH)2(s) + 65.2 kj 

This equation is presented visually in Figure 17.7a. A chemical equation 

that includes the enthalpy change is called a thermochemical equation. 

The heat of reaction is the enthalpy change for the chemical equation 

exactly as it is written. You will usually see heats of reaction reported as AH, 

which is equal to the heat flow at constant pressure. The physical state of the 

reactants and products must also be given. The standard conditions are that 

the reaction is carried out at 101.3 kPa (1 atmosphere) and that the reactants 

and products are in their usual physical states at 25°C. The heat of reaction, 

or AH, in the above example is -65.2 kj. Each mole of calcium oxide and 

water that react to form calcium hydroxide produces 65.2 kj of heat. 

CaO(s) + H20(Z) -> Ca(OH)2(s) AH = -65.2 kj 
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CaO(s) + H20(/) 

AH =—65.2 kJ 

1 Ca(OH)2(s) 

Q Exothermic Reaction 

Na2C03(s) + H20 (g) + CO 2(g) 

A H= 129 kJ 

2NaHC03(s) 

0 Endothermic Reaction 

Other reactions absorb heat from the surroundings. For example, bak¬ 

ing soda (sodium bicarbonate) decomposes when it is heated. The carbon 

dioxide released in the reaction causes a cake to rise while baking. This 

process is endothermic. 

2NaIIC03(s) + 129 kJ -> Na2C03(s) + H20(g) + 0O2(g) 

Remember that AH is positive for endothermic reactions. Therefore, you 

can write the reaction as follows. 

2NaHC03(s) -> Na2C03(s) + H20(g) + C02(g) AH= 129 kJ 

Figure 17.7b shows the enthalpy diagram for this reaction. 

Chemistry problems involving enthalpy changes are similar to stoi¬ 

chiometry problems. The amount of heat released or absorbed during a 

reaction depends on the number of moles of the reactants involved. The 

decomposition of 2 mol of sodium bicarbonate, for example, requires 

129 kJ of heat. Therefore, the decomposition of 4 mol of the same 

substance would require twice as much heat, or 258 kJ. In this and other 

endothermic processes, the potential energy of the product(s) is higher 

than the potential energy of the reactant(s). 

The physical state of the reactants and products in a thermochemical 

reaction must also be stated. To see why, compare the following two equa¬ 

tions for the decomposition of 1 mol H20. 

H20(Z) -* H2(g) + |02(g) AH = 285.8 kJ 

H20(g) -» H2(g) + i02(g) A/7 = 241.8 kj 

difference = 44.0 kj 

Although the two equations are very similar, the different physical 

states of H20 result in different AH values. In one case, the reactant is a liq¬ 

uid; in the other case, the reactant is a gas. The vaporization of 1 mole of 

liquid water to water vapor at 25°C requires an extra 44.0 kj of heat. 

H20(/) -> H20(g) AH = 44.0 kj 

(^Checkpoint ) Why must the physical states of the reactants and products 

be stated in a thermochemical equation ? 

Figure 17.7 These enthalpy 

diagrams show exothermic and 

endothermic processes: © the 
reaction of calcium oxide and 

water and © the decomposition 

of sodium bicarbonate. 

Identifying In which case is 

the enthalpy of the reactant(s) 
higher than that of the 
product(s)? 

Textbook 

Simulation 22 Simulate a 
combustion reaction and 
compare the AH results for 
several compounds. 

■_with ChemASAP 
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CHEMath 

Conversion Problems 

A conversion factor is a ratio 
of two quantities that are 

equal to one another. When 
doing conversions, write the 
conversion factors so that the 
unit of a given measurement 
cancels, leaving the correct 
unit for your answer. Note 

that the equalities needed to 
write a particular conversion 
factor may be given in the 
problem. In other cases, you 

will need to know or look up 
the necessary equalities. 

Math Handbook 

For help with conversion 
problems, go to page R66. 

Textbook 
Problem-Solving 17.15 

Solve Problem 15 with the help 
of an interactive guided tutorial. 

i . with ChemASAP 

SAMPLE PROBLEM 17.3 

Using the Heat of Reaction to Calculate Enthalpy Change 

Using the thermochemical equation in Figure 17.7b on page 515, cal¬ 

culate the amount of heat (in kj) required to decompose 2.24 mol 

NaHC03(s). 

ft- Analyze List the knowns and the unknown. 

Knowns Unknown 

• 2.24 mol NaHC03(s) decomposes • AH = ? kj 

• AH = 129 kj (for 2 mol NaHC03) 

Use the thermochemical equation, 

2NaHC03(s) + 129 kj -* Na2C03(s) + H20(g) + C02(g), 

to write a conversion factor relating kilojoules of heat and moles of 

NaHC03. Then use the conversion factor to determine AH for 

2.24 mol NaHCQ3. 

Calculate Solve for the unknown. 

The thermochemical equation indicates that 129 kj are needed to 

decompose 2 mol NaHC03(s). Use this relationship to write the follow¬ 

ing conversion factor. 

129 kj 
2 mol NaHC03(s) 

Using dimensional analysis, solve for AH. 

= 144 kj 

Evaluate Does the result make sense? 

Because the AH = 129 kj refers to the decomposition of 2 mol 

NaHC03(s), the decomposition of 2.24 mol should absorb about 10% 

more heat than 129 kj, or slightly more than 142 kj. The answer of 

144 kj is consistent with this estimate. 

Practice Problems 

14. When carbon disulfide is 

formed from its elements, 

heat is absorbed. Calculate 

the amount of heat (in kj) 

absorbed when 5.66 g of 

carbon disulfide is formed. 

C(s) + 2S(s) CS2(Z) 

AH = 89.3 kj 

15. The production of iron and 

carbon dioxide from iron (III) 

oxide and carbon monoxide is 

an exothermic reaction. 

How many kilojoules of heat 

are produced when 3.40 mol 

Fe203 reacts with an excess 

of CO? 

Fe203(s) + 3CO(g) -* 

2Fe(s) + 3C02(g) + 26.3 kj 
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Table 17.2 

Heats of Combustion at 25°C 

Substance Formula AH (kJ/mol) 

Hydrogen H2(g) -286 

Carbon C(s), graphite -394 

Methane CH4(gf) -890 

Acetylene C2H2(g) -1300 

Ethanol C2H5OH(/) -1368 

Propane C3H8(g) -2220 

Glucose C6H1206(s) -2808 

Octane c8h 18(/) -5471 

Sucrose C12H2201i(s) -5645 

Table 17.2 lists heats of combustion for some common substances. The 

heat of combustion is the heat of reaction for the complete burning of one 

mole of a substance. The combustion of natural gas, which is mostly methane, 

is an exothermic reaction used to heat many homes around the country. 

CH4(g) + 202(g) -> CO2(g) + 2Hz0(Z) + 890 kj 

You can also write this equation as follows. 

CH4(g) + 202(g) -* CO2(g) + 2H20(Z) AH = -890 kj 

Burning 1 mol of methane releases 890 kj of heat. The heat of combustion 

[AH] for this reaction is -890 kj per mole of carbon burned. 

Like other heats of reaction, heats of combustion are reported as the 

enthalpy changes when the reactions are carried out at 101.3 kPa of pres¬ 

sure and the reactants and products are in their physical states at 25°C. 

Figure 17.8 The combustion of 

natural gas is an exothermic 
reaction. As bonds in methane 

(the main component of natural 
gas) and oxygen are broken and 
bonds in carbon dioxide and 

water are formed, large amounts 
of energy are released. 

17.2 Section Assessment 

16. Key Concept Calorimetry is based on what 

basic concepts? 

17. Key Concept How are enthalpy changes 

treated in chemical equations? 

18. When 2 mol of solid magnesium (Mg) combines 

with 1 mole of oxygen gas (02), 2 mol of solid 

magnesium oxide (MgO) is formed and 1204 kj of 

heat is released. Write the thermochemical equa¬ 

tion for this combustion reaction. 

19. Gasohol contains ethanol (C2H5OHX/), which 

when burned reacts with oxygen to produce 

C02(g) and H20(g). How much heat is released 

when 12.5 g of ethanol burns? 

C2H5OH(/) + 302(g) -> 2C02(g) + 3H20(Z) 

AH = -1368 kj 

20. Explain the term heat of combustion. 

Handbook 

Group 6A Look at the important chemical reac¬ 

tions involving Group 6A elements on page R29. 
Write two examples of thermochemical equations— 
one describing an exothermic reaction and another 

describing an endothermic reaction. 

^Textbook 

Assessment 17.2 Test 
yourself on the concepts in 
Section 17.2. 

>_with ChemASAP 
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Solar Power Plants 

When you consider energy sources other than coal, oil, or natural gas, 

you may think of the sun. Solar energy, or energy from the sun, is free, 

clean, plentiful, and readily available.The daily amount of solar energy 

received by Earth is about 200,000 times the total world electrical¬ 

generating capacity. However, the process of collecting solar energy 

and using it to generate electricity can be expensive, complex, and 

space-consuming. Large-scale solar power plants use concentrating 

solar power (CSP) technologies, which convert solar energy into heat 

and then electrical energy. Interpreting Diagrams In which part of 

a power tower is solar energy transformed into heat? 

From sun to socket Because a 

heliostat field collects solar energy 

faster than the system can use it, 

some of the energy is stored (as a 

molten salt) for later use. Energy 

storage enables a power tower to 

supply electricity during cloudy 

weather or even at night. 

Solar power by the tower 

A power tower is a CSP technology that 

uses a vast field of sun-tracking mirrors, 

called heliostats, to concentrate sunlight 

on a receiver that sits on top of a tower. 

Before the solar energy can be used to 

do work, it must first be transformed into 

heat by means of a fluid such as steam 

or a molten salt. 
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In a molten-salt power tower, 

a liquid mixture of 60% 

NaN03 and 40% KN03 is used as the 

heat-transfer fluid.This mixture melts 

at 221 °C. In the receiver, the collected 

solar energy is transformed into heat 

as the molten salt reaches a 

temperature of 565°C. 

QThe heated salt is stored in an 

insulated storage tank, then 

pumped to a steam generator, where 

heat is transferred from the salt to 

liquid water.The water vaporizes, 

forming high-pressure steam that 

drives a turbine. An electric generator 

transforms the mechanical energy of 

the turbine into electrical energy. 



Heat in Changes of State 

Guide for Reading 

<^Key Concepts 
• How does the quantity of heat 

absorbed by a melting solid 

compare to the quantity of heat 

released when the liquid 

solidifies? 

• How does the quantity of heat 

absorbed by a vaporizing 

liquid compare to the quantity 

of heat released when the 

vapor condenses? 

• What thermochemical changes 

can occur when a solution 

forms? 

Vocabulary 
molar heat of fusion 

molar heat of solidification 

molar heat of vaporization 

molar heat of condensation 

molar heat of solution 

Reading Strategy 
Summarizing After you read this 

section, construct a flowchart that 

summarizes the enthalpy changes 

involved as a substance under¬ 

goes phase changes. 

Figure 17.9 Enthalpy changes 
accompany changes in state. 
Fusion and vaporization are 
endothermic processes. 

Solidification and condensation 
are exothermic processes. 

Interpreting Diagrams 
Which arrows represent 

processes that release heat 

to the surroundings? 

Connecting to Your World An athlete can burn a lot of 

calories during a race.These calories are either used to do work or are 

released as heat. When your body heats 

up, you start to sweat.The evapora¬ 

tion of sweat is your body's way of 

cooling itself to a normal tem- 

perature.This section will help 

you to understand how the 

evaporation of sweat from your 

skin helps to rid your body of 

excess heat. 

Heats of Fusion and Solidification 
What happens if you place an ice cube on a table in a warm room? The ice 

cube is the system, and the table and air around it are the surroundings. 

The ice absorbs heat from its surroundings and begins to melt. The temper¬ 

ature of the ice and the water produced remains at 0°C until all of the ice 

has melted. The temperature of the water begins to increase only after all of 

the ice has melted. 

Like ice cubes, all solids absorb heat as they melt to become liquids. 

The gain of heat causes a change of state instead of a change in tempera¬ 

ture. Whenever a change of state occurs by a gain or loss of heat, the tem¬ 

perature of the substance undergoing the change remains constant. The 

heat absorbed by one mole of a solid substance as it melts to a liquid at a 

constant temperature is the molar heat of fusion (AiTfus). The molar heat 

of solidification (AiTsoiid) is the heat lost when one mole of a liquid solidi¬ 

fies at a constant temperature. The quantity of heat absorbed by a 

melting solid is exactly the same as the quantity of heat released when 

the liquid solidifies; that is, A/Tfus = -Af/soUd. This relationship is shown 

in Figure 17.9. 

High Enthalpy 

Low Enthalpy 
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The melting of 1 mol of ice at 0°C to 1 mol of water at 0°C requires the 

absorption of 6.01 kj of heat. This quantity of heat is the molar heat of 

fusion of water. Likewise, the conversion of 1 mol of water at 0°C to 1 mol of 

ice at 0°C releases 6.01 kj. This quantity of heat is the molar heat of solidifi¬ 

cation of water. 

H20(s) > II20(Z) ATlfus = 6.01 kj/mol 

H20(Z) > H20(5) A//soiicj = —6.01 kj/mol 

SAMPLE PROBLEM 17.4 

Using the Heat of Fusion in Phase-Change Calculations 

f low many grams of ice at 0°C will melt if 2.25 kj of heat are added? 

Analyze List the knowns and the unknown. 

Knowns Unknown 

• Initial and final temperatures are 0°C • mHX = ? g 

• AHfus= 6.01 kj/mol 

• Mi = 2.25 kj 

Use the thermochemical equation 

H20(s) + 6.01 kj -> H20(/) 

to find the number of moles of ice that can be melted by the addition 

of 2.25 kj of heat. Convert moles of ice to grams of ice. 

Calculate Solve for the unknown. 

Express and the molar mass of ice as conversion factors. 

1 mol ice , 18.0 g ice 
6.01 kj 1 mol ice 

Multiply the known enthalpy change (2.25 kj) by the conversion factors 

171; 
, 1 moTirP 18.0 g ice 

= 2.25 kj X 1, , X 6 ■lce —' ” 6.01 kf 

= 6.74 g ice 

1 meTicS 

Evaluate Does the result make sense? 

6.01 k] is required to melt 1 mol of ice. Because only about one third of 

this amount of heat (roughly 2 kj) is available, only about one-third 

mol of ice, or 18.0 g/3 = 6 g, should melt. This estimate is close to the 

calculated answer. 

Practice Problems 

21. How many kilojoules of heat 

are required to melt a 10.0-g 

popsicle at 0°C? Assume the 

popsicle has the same molar 

mass and heat of fusion 

as water. 

22. How many grams of ice 

at 0°C could be melted 

by the addition of 

0.400 kj of heat? 

Math Handbook 

For help with conversion 
problems, go to page R66. 

Textbook 

Problem-Solving 17.21 Solve 
Problem 21 with the help of an 
interactive guide tutorial. 

. ■■ .. with ChemASAP 
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Heat of Fusion 

Purpose 

To estimate the heat of 

fusion of ice. 

Materials 

• ice 

• foam cup 

• 100-ml graduated 
cylinder 

• thermometer 

of Ice 

Procedure 

Probe version available in the 

Probeware Lab Manual. 

1. Fill the graduated cylinder with hot tap 

water and let stand for 1 minute. Pour 

the water into the sink. 

2. Use the graduated cylinder to measure 

70 mL of hot water. Pour the water into 

the foam cup. Measure the tempera¬ 

ture of the water. 
• hot water 

• temperature probe 
(optional) 

3. Add an ice cube to the cup of water. 

Gently swirl the cup. Measure the tem¬ 

perature of the water as soon as the ice 

cube has completely melted. 

4. Pour the water into the graduated 

cylinder and measure the volume. 

Analyze and Conclude 
1. Calculate the mass of the ice. (H/nf:The 

mass of ice melted is the same as the 

increase in the volume of the water.) 

Convert this into moles. 

2. Calculate AHfus of ice (kJ/mol) by divid¬ 

ing the heat transferred from the water 

by the moles of ice melted. 

3. Compare your experimental value of 

A/-/fus of ice with the accepted value of 

6.01 kJ/mol. Account for any error. 

4. How might you revise the procedure to 

achieve more accurate results? 

Heats of Vaporization and Condensation 
When liquids absorb heat at their boiling points, they become vapors. The 

amount of heat necessary to vaporize one mole of a given liquid is called its 

molar heat of vaporization (AHvap). Table 17.3 lists the molar heats of 

vaporization for several substances at their normal boiling points. 

The molar heat of vaporization of water is 40.7 kJ/mol. This means that 

it takes 40.7 kj of energy to convert 1 mol of water molecules in the liquid 

state to 1 mol of water molecules in the vapor state at the normal boiling 

point of water (100°C at 101.3 kPa). This process is described in the thermo¬ 

chemical equation below. 

H20(Z) -■* H20(g) AHvap = 40.7 kJ/mol 

Table 17.3 ^ 

Heats of Physical Change 

AHfus ^^vap 
Substance (kJ/mol) (kJ/mol) 

Ammonia (NH3) 5.65 23.4 

Ethanol (C2H5OH) 4.60 43.5 

Hydrogen (H2) 0.12 0.90 

Methanol (CH3OH) 3.16 35.3 

Oxygen (02) 0.44 6.82 

Water (H20) 6.01 40.7 

522 Chapter 17 



Diethyl ether (C4H10O) is a low-boiling-point liquid (bp = 34.6°C) that 

is a good solvent and was formerly used as an anesthetic. If diethyl ether is 

poured into a beaker on a warm, humid day, the ether will absorb heat 

from the beaker walls and evaporate very rapidly. If the beaker loses 

enough heat, the water vapor in the air may condense and freeze on the 

beaker walls. If so, a coating of frost will form on the outside of the beaker. 

Diethyl ether has a molar heat of vaporization (A//vap) of 15.7 kj/mol. 

C4H10O(Z) -> C4H10O(g) AHvap = 15.7 kj/mol 

Condensation is the exact opposite of vaporization. When a vapor con¬ 

denses, heat is released. The amount of heat released when 1 mol of vapor 

condenses at the normal boiling point is called its molar heat of 

condensation {AHcond). This value is numerically the same as the corre¬ 

sponding molar heat of vaporization, however the value has the opposite 

sign. The quantity of heat absorbed by a vaporizing liquid is exactly 

the same as the quantity of heat released when the vapor condenses; that 

is, AHvap = -AHcond. Figure 17.10 summarizes the enthalpy changes that 

occur as a solid is heated to a liquid and then to a vapor. You should be 

able to identify certain trends regarding the temperature during changes of 

state and the energy requirements that accompany these changes from the 

graph. The large values for AZYvap and AHcond are the reason hot vapors 

such as steam can be very dangerous. You can receive a scalding burn from 

steam when the heat of condensation is released as the steam touches 

your skin. 

H20(g) -* H20(Z) AHcond = -40.7 kj/mol 

(^Checkpoint) What is the molar heat of vaporization? 

Textbook 

Animation 21 Observe the 
phase changes as ice is converted 
to steam when heat is added. 

with ChemASAP 

Heating Curve for Water 

I 

Boiling 

point 

i- 
3 +* 
CO 
i- 
0) 
Q. 
E 
P 

Melting 

point 

Heat Supplied 

Figure 17.10 A heating curve 

graphically describes the 

enthalpy changes that take place 
during phase changes. 

INTERPRETING GRAPHS 

a. Identify In which region(s) 

of the graph is temperature 
constant? 
b. Describe How does the 

amount of energy required to 
melt a given mass of ice 

compare to the energy 
required to vaporize the same 
mass of water? Explain. 
c. Apply Concepts Which 
region of the graph represents 

the coexistence of solid and 
liquid? Liquid and vapor? 
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Math handbook 

For help with using a 

calculator, go to page R62. 

Textbook 

Problem-Solving 17.24 Solve 

Problem 24 with the help of 

an interactive guided tutorial. 

w—_with ChemASAP 

SAMPLE PROBLEM 17.5 

Using the Heat of Vaporization in 
Phase-Change Calculations 

How much heat (in kj) is absorbed when 24.8 g H20(/) at 100°C and 

101.3 kPa is converted to steam at 100°C? 

41 Analyze List the knowns and the unknown. 

Knowns Unknown 

• Initial and final conditions are 100°C • AH = ? kj 

and 101.3 kPa 

• mass of water converted to steam = 24.8 g 

• AHvap = 40.7 kj/mol 

Refer to the following thermochemical equation. 

H20(Z) + 40.7 kj/mol -> H20(g) 

Af7vap is given in kj/mol, but the quantity of water is given in grams. 

You must first convert grams of water to moles of water. Then 

multiply by ARvap. 

Calculate Solve for the unknown. 

The required conversion factors come from AHvap and the molar 

mass of water. 

1 mol H20(Z) 
and 

40.7 kj 
18.0 g H20(Z) “““ 1 mol H20(Z) 

Multiply the mass of water in grams by the conversion factors. 

AH = 24.8 gJ^W X 

= 56.1 kj 

1 moTHjOft) 
18.0 g %0(Y) '' 1 moTHjOtO 

X 
40.7 kj 

Evaluate Does the result make sense1 

Knowing the molar mass of water is 18.0 g/mol, 24.8 g H20(/) can be 

estimated to be somewhat less than 1.5 mol H20. The calculated 

enthalpy change should be a little less than 1.5 mol x 40 kj/mol = 60 kj, 

and it is. 

Practice Problems 

23. How much heat is absorbed 

when 63.7g H20(/) at 100°C 

and 101.3 kPa is converted to 

steam at 100°C? Express your 

answer in kj. 

24. How many kilojoules of heat 

are absorbed when 0.46 g 

of chloroethane (C2H5C1, 

bp 12.3°C) vaporizes at its 

normal boiling point? The 

molar heat of vaporization of 

chloroethane is 26.4 kj/mol. 
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Heat of Solution 
If you’ve ever used a hot pack or a cold pack, then you have felt the enthalpy 

changes that occur when a solute dissolves in a solvent. During the 

formation of a solution, heat is either released or absorbed. The enthalpy 

change caused by dissolution of one mole of substance is the molar heat of 

solution (AiTsoin). Sodium hydroxide provides a good example of an exother¬ 

mic molar heat of solution. When 1 mol of sodium hydroxide (NaOH) (s) is 

dissolved in water, the solution can become so hot that it steams. The heat 

from this process is released as the sodium ions and the hydroxide ions 

interact with the water. The temperature of the solution increases, releasing 

445.1 kj of heat as the molar heat of solution. 

NaOH(s) H-0t,-> Na+(aq) + OH~(aq) 

AHsoin = -445.1 kj/mol 

A practical application of exothermic dissolving is a hot pack. A hot 

pack mixes calcium chloride (CaCl2) and water, which produces the heat 

characteristic of an exothermic reaction. 

CaCl2(s) Ca2+{aq) + 2CT (aq) 

AHsoin = -82.8 kj/mol 

The dissolution of ammonium nitrate (NH4N03) (s) is an example of an 

endothermic process. When ammonium nitrate dissolves in water, the 

solution becomes so cold that frost may form on the outside of the con¬ 

tainer. Instant cold packs, which are used to treat muscle aches and sore 

joints, work by endothermic dissolving. The cold pack in Figure 17.11 con¬ 

tains solid ammonium nitrate crystals and water. Once the solute dissolves 

in the solvent, the pack becomes cold. In this case, the solution process 

absorbs energy from the surroundings. 

NH4N03(s) NH4+(a<y) + N03“(^) 

A/isoin = 25'7 kJ/mol 

Figure 17.11 The cold pack 

shown has two sealed plastic 
bags, one inside the other. The 

outer bag contains ammonium 
nitrate crystals. The inner bag 

contains liquid water. When the 

pack is squeezed, the inner bag 
breaks, allowing the ammonium 

nitrate and water to mix. 
Inferring How would you 

define the system and the 

surroundings in this process? 

(^Checkpoint) What is the molar heat of solution? 

tone. Use 
. j minutes. Cold Therapy is no. 

,muds Syndrome, or Diabetes, withou, 

Supervise children during use. 
tion contacts eyes, skin or open wounds, flush 

jv/ed, give one or two glasses of milk or water i 
:t poison control immediately. FOR EXTERNAL U1 

CONTENTS: Ammonium nitrate and water. 



__ Handbook 

For help with significant 
figures go to page R59. 

Textbook 

Problem-Solving 17.26 Solve 
Problem 26 with the help of 
an interactive guided tutorial. 

_with ChemASAP 

SAMPLE PROBLEM 17.6 

Calculating the Enthalpy Change in Solution Formation 

How much heat (in kj) is released when 2.500 mol NaOHfo) is dissolved 

in water? 

v® Analyze List the knowns and the unknown. 

Knowns Unknown 

• AHsoin = -445.1 kj/mol • AH = ? kj 

• amount of NaOH(s) dissolved = 2.500 mol 

Use the heat of solution from the following chemical equation to solve 

for the amount of heat released (AH). 

NaOH(s) 
H20{/), 

* Na+{aq) + OH {aq) + 445.1 kj/mol 

||| Calculate Solve for the unknown. 

Multiply the number of moles of NaOH by AHsoin. 

-445.1 kj 
AH = 2.500 molAJa6H(s) x 

1 mokNaOHtzcq) 
= -1113 kj 

Evaluate Does the result make sense? 

AH is 2.5 times greater than AHsoin, as it should be. Also, AH should be 

negative, as the dissolution of NaOH in water is exothermic. 

Practice Problems 

25. How much heat (in kj) is 26. How many moles of 

released when 0.677 mol NH4N03(s) must be dissolved 

NaOH(s) is dissolved in water? in water so that 88.0 kj of heat 

is absorbed from the water? 

17.3 Section Assessment 

27. Key Concept How does the molar heat of 

fusion of a substance compare to its molar heat 

of solidification? 

28. Key Concept How does the molar heat of 

vaporization of a substance compare to its molar 

heat of condensation? 

29. Key Concept What enthalpy changes occur 

when a solute dissolves in a solvent? 

30. Identify each enthalpy change by name and classify 

each change as exothermic or endothermic. 

a. lmolC3Hg(/) -> lmolC3H8(g) 

fo. 1 mol Hg(Z)-> 1 mol Hg(s) 

c. 1 mol NH3(g)-> 1 mol NH3(Z) 

d. 1 mol NaCl(s) + 3.88 kj/mol-> 1 mol NaCI (aq) 

e. 1 mol NaCl(s)-> 1 mol NaCl(/) 

31. Why is a burn from steam potentially far more 

serious than a burn from very hot water? 

Connecting x Concepts 

Hydrogen Bonding Reread the description of inter- 

molecular attractions in Section 8.3. Use what you 
know about hydrogen bonding to explain why 

water absorbs such a large amount of heat as it 
vaporizes. 

Textbook 

Assessment 17.3 Test yourself on 
the concepts in Section 17.3. 

>_with ChemASAP 
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Calculating Heats of Reaction 

Hess's Law 

Connecting to Your World c ,, , . 
^ Emeralds are beautiful 

gemstones composed of the elements chromium, aluminum, silicon, 

oxygen, and beryllium. It is possible to break down an emerald into 

its component elements and measure the 

resulting enthalpy change—but then the 

gem would be destroyed. What if you 

wanted to determine the heat of 

reaction without actually perform¬ 

ing the reaction? In this section 

you will see how you can calculate 

heats of reaction from known 

thermochemical equations and 

enthalpy data. 

Guide for Reading 

<^ Key Concepts 
• What are two ways that you can 

determine the heat of reaction 

when it cannot be directly 

measured? 

Vocabulary 
Hess's law of heat summation 

standard heat of formation 

Reading Strategy 
Outlining As you read, make an 

outline of the most important 

ideas in this section. 

Sometimes it is hard to measure the enthalpy change for a reaction. For 

example, the reaction might take place too slowly to actually measure the 

enthalpy change. Or, the reaction might be an intermediate step in a series of 

reactions. Or, as mentioned above, you might not want to destroy the mate¬ 

rial that undergoes the reaction. Fortunately, it is possible to measure a 

heat of reaction indirectly. Hess's law of heat summation states that if you 

add two or more thermochemical equations to give a final equation, then 

you can also add the heats of reaction to give the final heat of reaction. 

(^ Hess's law allows you to determine the heat of reaction indirectly. 

Figure 17.12 shows a diamond mine. Diamonds are a form of carbon 

that exists at 25°C. Another is graphite. Because graphite is more stable 

than diamond, you might predict the following reaction. 

C(s, diamond) -> C(s, graphite) 

Fortunately for people who own diamonds, the conversion of diamond to 

graphite takes millions and millions of years. This enthalpy change cannot 

be measured directly because the reaction is far too slow. Hess’s law, how¬ 

ever, provides a way to calculate the heat of reaction. 

Figure 17.12 This diamond 
mine is located in Mpumalanga 

Province, South Africa. 



diamond) 

Figure 17.13 Hess's law is used 
to determine the enthalpy 
change for the conversion of 
diamond to graphite. 
Interpreting Diagrams 
Which of the reactions shown is 
an example of decomposition? 

C(s, diamond) + 02(g) 

f||| AH = -1.9 kJ 

C(s, graphite) + 02(g) 

AH= -395.4 kJ 
■ 

AH= 393.5 kJ 

C02(g) 

You can use Hess’s law to find the enthalpy change for the conversion 

of diamond to graphite by using the following combustion reactions and 

Figure 17.13. 

a. C(s, graphite) + 02(g) -> C02(g) AH = -393.5 kJ 

b. C(.s, diamond) + 02(g) -» C02(g) AII = -395.4 kJ 

Write equation a in reverse to give: 

c. C02(g)-* Cfe graphite) + 02(g) AH= 393.5 kJ 

When you write a reverse reaction, you must also change the sign of 

AH. If you now add equations b and c, you get the equation for the conver¬ 

sion of diamond to graphite. The CO2(g) and O2(g) terms on both sides of 
the summed equations cancel, just as they do in algebra. Now if you also 

add the values of AH for equations b and c, you get the heat of reaction for 
this conversion. 

C(s, diamond) + Oj(g)-> COjfg) AH = -395.4 kJ 

COjtg) -> C(s, graphite) + Qgfg) AH = 393.5 kJ 

C(s, diamond) -> C(s, graphite) AH~ -1.9kJ 

The conversion of diamond to graphite is an exothermic process, so its 

heat of reaction has a negative sign. Conversely, the change of graphite to 

diamond is an endothermic process. 
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Another case in which Hess’s law is useful is when reactions yield prod¬ 

ucts in addition to the product of interest. Suppose you want to determine 

the enthalpy change for the formation of carbon monoxide from its ele¬ 

ments. You can write the following equation for this reaction. 

C(s, graphite) + 202(g) -> CO(g) AH=? 

Although it is easy to write the equation, carrying out the reaction in 

the laboratory as written is virtually impossible. Carbon dioxide (a “side 

product”) is produced along with carbon monoxide (the “desired prod¬ 

uct”). Therefore, any measured heat of reaction is related to the formation 

of both CO(g) and CC^Cg), and not CO(g) alone. However, you can calculate 

the desired enthalpy change by using Hess’s law and the following two 

reactions that can be carried out in the laboratory. 

a. Cfe graphite) + 02(g) -> C02(g) AH= -393.5 kj 

b. CO(g) + \02(g) -* C02(g) AH = -283.0 kj 

Writing the reverse of equation b and changing the sign of AH yields 

equation c. 

c. C02(g) -> CO(g) + |02(g) AH = 283.0 kj 

Adding equations a and c gives the expression for the formation of 

CO(g) from its elements. The enthalpy diagram for this heat summation is 

shown in Figure 17.14. Notice that only ±o2(g) cancels from each equation. 

C(s, graphite) + O2(g) -> CQjfg) AH = —393.5 kj 

CQztg) -> CO(g) + |02(g)_AH= 283.0 kj 

C(s, graphite) + 2(g) --> CO(g) AH = -110.5kJ 

The formation of CO(g) is exothermic; 110.5kJ of heat is given off when 

1 mol CO(g) is formed from its elements. 

(^^Checkpoint) Why can't you directly measure the heat of reaction for the 

formation of carbon monoxide from its elements? 

Go inline c 
>sSWs 

For: Links on diamond 
and graphite 

Visit: www.SciLinks.org 
Web Code: cdn-1174 

C (s, graphite) +102(g) + \ 02(fir) 

0AH= -110.5 kJ 

4 

C02(9) 

CO (g) + l02(g) 

t 
AH= 283.0 kJ 

L 

Figure 17.14 Hess's law is used 
to determine the enthalpy 

change for the formation of 

CO(g) from its elements. 
Interpreting Diagrams How 

does the diagram represent 
endothermic and exothermic 

reactions differently? 
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Figure 17.15 This enthalpy 
diagram shows the standard 
heat of formation of water. 

Classifying Is this reaction 
endothermic or exothermic? 

H2(g) + |02(g) 

Table 17.4 

Standard Heats of Formation (AHf°) at 25°C and 101.3 kPa 

Substance 
AHf° 

(kJ/mol) Substance 
AHt° 

(kJ/mol) 

AI203(s) -1676.0 H202(/) -187.8 

Br2(g) 30.91 l2(<?> 62.4 

B r 2 (/) 0.0 l2(s) 0.0 

C(s, diamond) 1.9 n 2(g) 0.0 

C(s, graphite) 0.0 NH 3(g) -46.19 

CH4(g) -74.86 NO(flf) 90.37 

CO (g) -110.5 N02(g) 33.85 

CO 2(g) -393.5 NaCI(s) -411.2 

CaCO 3(s) -1207.0 O 2(g) 0.0 

CaO(s) -635.1 O 3(g) 142.0 

ci2(g> 0.0 P(s, white) 0.0 

Fe(s) 0.0 P(s, red) -18.4 

Fe203(s) -822.1 S(s, rhombic) 0.0 

h2(<?) 0.0 S(s, monoclinic) 0.30 

H20(g) -241.8 SO 2(g) -296.8 

H20(/) -285.8 S03(g) -395.7 

Standard Heats of Formation 
Enthalpy changes generally depend on conditions of the process, in order 

to compare enthalpy changes, scientists specify a common set of condi¬ 

tions as a reference point. These conditions, called the standard state, refer 

to the stable form of a substance at 25°C and 101.3 kPa. The standard heat 

of formation (AHf°) of a compound is the change in enthalpy that accom¬ 

panies the formation of one mole of a compound from its elements with all 

substances in their standard states at 25°C. The AHf of a free element in its 

standard state is arbitrarily set at zero. Thus, A//,-0 = 0 for the diatomic mol¬ 

ecules H2(g), N2(g), 02(g), F2(g), Cl2(g), Br2(Z), and I2(s). Similarly, A//f° = 0 

for the graphite form of carbon, CO, graphite). Table 17.4 lists AHf° values 

for some common substances. 

Standard heats of formation provide an alternative to Hess’s law in 

determining heats of reaction indirectly. O For a reaction that occurs at 

standard conditions, you can calculate the heat of reaction by using standard 

heats of formation. Such an enthalpy change is called the standard heat of 

reaction (AH0). The standard heat of reaction is the difference between the 

standard heats of formation of all the reactants and products. 

A H° = AHf° (products) — A Hf° (reactants) 

Figure 17.15 is an enthalpy diagram for the formation of water from its 

elements at standard conditions. The enthalpy difference between the 

reactants and products, -285.8 kj/mol, is the standard heat of formation of 

liquid water from the gases hydrogen and oxygen. Notice that water has a 

lower enthalpy than the elements from which it is formed. 
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SAMPLE PROBLEM 17.7 

Calculating the Standard Heat of Reaction 

What is the standard heat of reaction (AH°) for the reaction of CO (g) 

with 02(g) to form C02(g)? 

O Analyze List the knowns and the unknown. 

Knowns Unknown 

(from Table 17.4) • A H° = ? kj 

• Ai?f°02(g) = 0 kj/mol (free element) 

•AHf°CO(g) = -110.5 kj/mol 

• AiTf°C02(g) = -393.5 kj/mol 

Balance the equation of the reaction of CO (g) with O2(g) to form 

C02(g). Then determine AH0 using the standard heats of formation of 

the reactants and products. 

Carbon Monoxide Detector 

Calculate Solve for the unknown. 

First, write the balanced equation. 

2CO(g) + 02(g) 2C02(g) 

Next, find and add the AHp of all of the reactants, taking into account 

the number of moles of each. 

AHf°(reactants) = 2 m©FG0(g) 
-110.5 kj 

+ OkJ 
1 m©T€0(g) 

= -221.0 kj 

Then, find the AHf° of the product in a similar way. 

— 393 5 kl 
A//f°(product) = 2 mol C02(g) X , mo|(';{) (g) 

= -787.0 kj 

Finally, solve for the unknown 

AH0 = AHf° (products) - AHf (reactants) 

AH0 = (-787.0 kj) - (-221.0 kj) 

AH0 = -566.0 kj 

(M Evaluate Does the result make sense? 

The AH0 is negative. Therefore, the reaction is exothermic. This makes 

sense because combustion reactions always release heat. 

Practice Problems 

32. Calculate AH0 for the follow¬ 

ing reactions. 

a. Br2(g) -» Br2(Z) 

b. CaC03(s) -> 

CaO(s) + C02(g) 

c. 2NO(g) + 02(g) -> 

33. With one exception, the stan¬ 

dard heats of formation of 

Na(s), 02(g), Br2(Z), CO(g), 

Fe(s), and He(g) are identical. 

What is the exception? 

Explain. 

2N02(g) 

Math Handbook 

For help with significant 
figures, go to page R59. 

Textbook 
Problem-Solving 17.32 
Solve Problem 32 with the help 
of an interactive guided tutorial. 

-Wl thCHemASAP 
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Figure 17.16 Standard heats of 
formation are used to calculate 
the enthalpy change for the 
reaction of carbon monoxide 
and oxygen. Interpreting 
Diagrams How does this 

diagram also demonstrate 

Hess's law? 

2C(s) + 202(g) 

I 
AH= -221.0 kJ 

(AHf°= -110.5 kJ/mol) 

4 

2C02(g) 

2CO (g) + O 2(g) 

Figure 17.16 is an enthalpy diagram that shows how the standard heat 

of reaction was calculated in Sample Problem 17.7. 

2CO(g) + O2(g) -> 2CO2(g) 

The standard heat of formation of the product, CO2(g), is -393.5 kJ/mol. 

The standard heats of formation of the reactants, CQ(g) and 02(g), are 

-110.5 kJ/mol and 0 kJ/mol, respectively. The diagram shows the differ¬ 

ence between AHf (product) and AT/f° (reactants) after taking into account 

the number of moles of each. 

17.4 Section Assessment 

34. Key Concept What are two ways that the heat 

of reaction can be determined when it cannot be 

directly measured? 

35. Calculate the enthalpy change (AH) in kJ for the 

following reaction. 

2Al(s) + Fe203(s) -► 2Fe(s) + Al203(s) 

Use the enthalpy changes for the combustion of 

aluminum and iron: 

2Al(s) + f 02(g) -* A1203(s) AH = -1669.8 kJ 

2Fe(s) + 102(g) -* Fe203(s) AH = -824.2 kJ 

36. What is the formula for calculating the standard 

heat of reaction? 

37. What is the standard heat of reaction (AT/0) for 

the decomposition of hydrogen peroxide? 

2H202(f) -* 2H20(Z) + 02(g) 

Handbook 

Sources of Hydrogen Use Hess's law and two 

thermochemical equations on page R38 to calcu¬ 
late AH for the following reaction. 

2H20(g) + CH4(g)-> C02(g) + 4H2(g) 

9 

Assessment 17.4 Test yourself 
on the concepts in Section 17.4. 

>_with ChemASAP 
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Materials 

candle 

aluminum foil 

safety matches 

ruler 

balance 

temperature probe (optional) 

Procedure (Si CB S 
Probeware version available 

in the Probeware Lab Manual. 

Measure and record the length of a candle in centime¬ 

ters. Place the candle on a small piece of aluminum foil 

and measure the mass of the foil-candle system. Note 

the time as you light the candle. Let the candle burn for 

about five minutes. CAUTION Keep clothing away from 

the flame. While you wait, begin answering the Analyze 

guestions. After about 5 minutes, extinguish the candle 

and record the time. Measure the mass of the foil-candle 

system again. DO NOT try to measure the mass while 

the candle is burning. 

Analyze 
Using your experimental data, answer the following 

guestions. 

1. Observe the candle burn and draw a picture of what 

you see. 

2. Examine the flame closely. Is it the wax or the wick 

that burns? 

3. If you said the wax, how does the wax burn without 

touching the flame? If you said the wick, what is the 

function of the wax? 

4. If you could measure the temperature near the flame, 

you would find that the air is much hotter above the 

flame than it is beside it. Why? Explain. 

5. Scientists have often wondered if a candle would 

burn well in zero gravity. How would zero gravity 

change the shape of the flame? 

6. How much length and mass did the candle lose? Are 

these data more consistent with the wax or the wick 

burning? 

7. Keeping in mind that wick is also a verb, explain how 

a candle works. 

8. The formula for candle wax can be approximated as 

C2oH42. Write and balance an eguation for the com¬ 

plete combustion of the candle wax. 

9. Calculate the number of moles of candle wax burned 

in the experiment. 

10. Calculate the heat of combustion of candle wax in 

kJ/mol.The standard heat of formation of candle 

wax (C20H42) is -2230 kJ/mol.The standard heats of 

formation of carbon dioxide and water are -394 kJ/ 

mol and -242 kJ/mol, respectively.The heat of com¬ 

bustion of candle wax equals the sum of the heats of 

formation of the products minus the sum of the heats 

of formation of the reactants. 

11. Calculate the amount of heat (in kJ) released in your 

reaction. {Hint: Multiply the number of moles of can¬ 

dle wax burned in the experiment by the heat of 

combustion of candle wax.) 

You're the Chemist 

The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Design It! Design an experiment to show that the 

candle wax does not burn with complete combustion. 

2. Design It! Design an experiment to show that water is 

a product of the combustion of a candle. 
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Study Guide 

Key Concepts 

^ 17.1 The Flow of Energy—Heat and Work 

• Heat always flows from a warmer object to a 
cooler object. 

• A system gains heat in an endothermic 
process, and loses heat in an exothermic 
process. 

• Heat flow is measured with two common 
units, the calorie and the joule. 

• The heat capacity of an object depends on 
both its mass and its chemical composition. 

17.2 Measuring and Expressing Enthalpy Changes 

• In calorimetry, the heat released by a system 
equals the heat absorbed by its surroundings. 
Conversely, the heat absorbed by a system 
equals the heat released by its surroundings. 

• The enthalpy change for a reaction can be 
treated like any other reactant or product. 

Heat in Changes of State 

• The heat absorbed by a melting solid is 
exactly the same as the heat lost when the 
liquid solidifies; that is, AH^ = ~AHS0^. 

• The heat absorbed by a vaporizing liquid is 
exactly the same as the heat lost when the 
vapor condenses; that is, AlTvap = — AHcon(i. 

• Heat is either released or absorbed during 
the formation of a solution. 

17.4 Calculating Heats of Reaction 

• You can calculate the heat of a reaction by 
applying Hess’s law of heat summation or by 
using standard heats of formation. 

Vocabulary 

calorimeter (p. 511) 

calorimetry (p. 511) 

chemical potential energy 
(p. 505) 

endothermic process (p. 506) 

enthalpy (p. 511) 

exothermic process (p. 506) 

heat (p. 505) 

heat capacity (p. 508) 

heat of combustion (p. 517) 

Key Equations 

• heat of reaction (p. 514) 

• Hess’s law of heat summation 
(p. 527) 

• law of conservation of energy 
(p. 506) 

• molar heat of condensation 
(p. 523) 

• molar heat of fusion (p. 520) 

• molar heat of solidification 
(p. 520) 

• molar heat of solution (p. 525) 

• molar heat of vaporization 
(p. 522) 

• specific heat (p. 508) 

• standard heat of formation 
(p. 530) 

• surroundings (p. 506) 

• system (p. 506) 

• thermochemical equation 
(p. 514) 

• thermochemistry (p. 505) 

• 1 Calorie = 1 kilocalorie = 1000 calories 

. C =-—- 
m x AT 

* tfsys A// Tsurr m X CX AT 

• AH°= AH)0 (products) - AHf° (reactants) 

Organizing Information 

Use these terms to construct a 
concept map that organizes the 
major ideas of this chapter. 

© 

Concept Map 17 Solve the 
Concept Map with the help of an 
interactive guided tutorial. 

>_—with GiiemASAP 

Textbook 

specific heat standard heats heats of changes 
of formation of state 

endothermic 
and exothermic thermochemistry heat capacity 

reactions 

thermochemical calorimetry Hess's law 
equations 
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Assessment 

CHAPTER 

17 
Reviewing Content 

17.1 The Flow of Energy—Heat 

38. Explain in your own words the law of conserva¬ 

tion of energy. 

39. What always happens when two objects of differ¬ 

ent temperatures come in contact? Give an 

example from your own experience. 

40. Define potential energy in terms of chemistry. 

41. What factors determine heat capacity? 

42. What is the relationship between a calorie and a 

Calorie? 

43. Make the following conversions. 

a. 8.50 x 102 cal to Calories 

b. 444 cal to joules 

c. 1.8 kj to joules 

d. 4.5 x UT1 kj to calories 

44. Why do you think it is important to define the 

system and the surroundings? 

45. Describe the sign convention that is used in 

thermochemical calculations. 

46. Two substances in a glass beaker chemically 

react, and the beaker becomes too hot to touch. 

a. Is the reaction exothermic or endothermic? 

b. If the two substances are defined as the sys¬ 

tem, what constitutes the surroundings? 

47. Classify these processes as exothermic or 

endothermic. 

a. condensing steam b. evaporating alcohol 

c. burning alcohol d. baking a potato 

17.2 Measuring and Expressing Enthalpy Changes 

48. What name is given to a heat change at constant 

pressure? 

49. What is the function of a calorimeter? 

50. There are some obvious sources of error in 

experiments that use foam cups as calorimeters. 

Name at least three. 

51. What device would you use to measure the heat 

released at constant volume? 

52. Give the standard conditions for heat of com¬ 

bustion. 

53. What information is given in a thermochemical 

equation? 

17.3 Heat in Changes of State 

54. Explain why ice melts at 0°C without an increase 

of temperature, even though heat flows from the 

surroundings to the system (the ice). 

55. Calculate the quantity of heat gained or lost in 

the following changes. 

a. 3.50 mol of water freezes at 0°C. 

b. 0.44 mol of steam condenses at 100°C. 

c. 1.25 mol NaOH(s) dissolves in water. 

d. 0.15 mol C2H5OH(/) vaporizes at 78.3°C. 

56. Sodium acetate dissolves readily in water 

according to the following equation. 

NaC2H302(s) -> NaC2H302(a<7) 

AH= -17.3 kj/mol 

Would this process increase or decrease the 

temperature of the water? 

17.4 Calculating Heats of Reaction 

57. Explain Hess’s law of heat summation. 

58. A considerable amount of heat is required for 

the decomposition of aluminum oxide. 

2A1203(s) -> 4Al(s) + 302(g) 

AH = 3352 kj 

a. What is the enthalpy change for the formation 

of 1 mol of aluminum oxide from its elements? 

b. Is the reaction exothermic or endothermic? 

59. Calculate the enthalpy change for the formation 

of lead(IV) chloride by the reaction of lead(II) 

chloride with chlorine. 

PbCl2(s) + Cl2(g) -» PbCl4(/) 

A H= ? 

Use the following thermochemical equations. 

Pb(s) + 2Cl2(g) -> PbCl4(Z) AH= -329.2 kj 

Pb(s) + Cl2(g) -» PbCl2(s) AH = -359.4 kj 

60. What is the standard heat of formation of a free 

element in its standard state? 

61. Consider the statement, "the more negative the 

value of AHf0, the more stable the compound.” Is 

this statement true or false? Explain. 
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Assessment continued 

Understanding Concepts 

62. Equal masses of two substances absorb 

the same amount of heat. The temperature of 

substance A increases twice as much as the 

temperature of substance B. Which substance 

has the higher specific heat? Explain. 

If 3.20 kcal of heat is added to 1.00 kg of ice at 

0°C, how much water at 0°C is produced, and 

how much ice remains? 

The amounts of heat required to change differ¬ 

ent quantities of carbon tetrachloride (CC14)(Z) 

63. 

64 

into vapor are given in the table. 

Mass of CCI4 

(9) 

Heat 

(J) (cal) 

2.90 652 156 

7.50 1689 404 

17.0 3825 915 

26.2 5894 1410 

39.8 8945 2140 

51.0 11453 2740 

a. Graph the data, using heat as the dependent 

variable. 

b. What is the slope of the line? 

c. The heat of vaporization of CC14(Z) is 

53.8 cal/g. How does this value compare 

with the slope of the line? 

65. Calculate the enthalpy change in calories when 

45.2 g of steam at 100°C condenses to water at 

the same temperature. What is the enthalpy 

change in joules? 

66. Find the enthalpy change for the formation of 

phosphorus pentachloride from its elements. 

2P(<?) + 5Cl2(g) -> 2PC15(s) 

Use the following thermochemical equations. 

PCl5(s) -» PCl3(g) + Cl2(g) 

AH= 87.9 kj 

2P(s) + 3Cl2(g) -> 2PCl3(g) 

AH= -574 kj 

67. Calculate the change in enthalpy (in kj) for the 

following reactions. 

a. CH4(g) + 202(g) -> C02(g) + 2H20(Z) 

b. 2CO(g) + 02(g) -> 2C02(g) 

68. What is the standard heat of formation of a 

compound? 

69. Use standard heats of formation (ATZf0) to cal¬ 

culate the change in enthalpy for these reactions. 

a. 2C(s, graphite) + 02(g) -> 2CO(g) 

b. 2H202(Z)-* 2H20(Z) + O2(g) 

c. 4NH3(g) + 502(g) -» 4NO(g) + 6H20(g) 

70. An ice cube with a mass of 40.0 g melts in water 

originally at 25.0°C. 

a. How much heat does the ice cube absorb from 

the water when it melts? Report your answer 

in calories, kilocalories, and joules. 

b. Calculate the number of grams of water that 

can be cooled to 0°C by the melting ice cube. 

71. The molar heat of vaporization of ethanol 

(C2H5OH(Z)) is 43.5 kj/mol. Calculate the heat 

required to vaporize 25.0 g of ethanol at its boil¬ 

ing point. 

72. An orange contains 445 kj of energy. What mass 

of water could this same amount of energy raise 

from 25.0°C to the boiling point? 

73. The combustion of ethane (C2H4) is an exother¬ 

mic reaction. 

C2H4(g) + 302(g) -> 2C02(g) + 2H20(Z) 

AH= -1.39 X 103 kJ 

Calculate the amount of heat liberated when 

4.79 g C2H4 reacts with excess oxygen. 

74. Calculate the enthalpy change (AH) for the for¬ 

mation of nitrogen monoxide from its elements. 

N2(g) + 02(g) -* 2NO(g) 

Use these thermochemical equations. 

4NH3(g) + 302(g) -» 2N2(g) + 6H20(Z) 

AH = -1.53 X 103 kj 

4NH3(g) + 502(g) -> 4NO(g) + 6H20(Z) 

AH= -1.17 X 103 kj 

75. How much heat must be removed from a 45.0-g 

sample of naphthalene (CioHg) at its freezing 

point to bring about solidification? The heat of 

fusion of naphthalene is 191.2 kj/mol. 
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Critical Thinking Concept Challenge 

76. Your fingers quickly begin to feel cold when you 

touch an ice cube. What important thermo¬ 

chemical principle does this illustrate? 

77. You place a bottle containing 2.0 L of mineral 

water at 25°C into a refrigerator to cool to 7°C. 

a. How many kj of heat is lost by the water? 

b. How many kj of heat is absorbed by the 

refrigerator? 

c. What assumptions did you make in your 

calculations? 

78. When 1.000 mol of N2(g) reacts completely with 

3.000 mol ofH2(g), 2.000 mol of NH3(g) and 

92.38 kj of heat are produced. 

N2(g) + 3H2(g) -> 2NH3(g) + 92.38 kl 

Use this thermochemical equation to calculate 

AH for the following reactions. 

a. 2N2(g) + 6H2(g) -> 4NH3(g) 

b. §N2(g) + §H2(g) -» 3NH3(g) 

c sN2(g) + |H2(g) -» NH3(g) 

79. Explain why fusion is an endothermic process 

but freezing is an exothermic process. 

80. Evaluate this statement: The energy content of a 

substance is higher in the liquid phase than in 

the vapor phase at the same temperature. 

81. Using the following equations: 

Ca(s) + 2C(s) -» CaC2(s) 

AH = -62.8 kl 

CO2(g) -> C(5) + 02(g) 

AH = 393.5 kl 

CaC03(s) + C02(g) -> CaC2(s) + 2i02(g) 

AH = 1538 kl 

determine the heat of reaction (in kj) for: 

Ca(s) + C(s) + |02(g) -> CaC03(s) 

82. The sugar glucose (CgH^Oe) is an important 

nutrient for living organisms to meet their 

energy needs. The standard heat of formation 

(A/ff°) of glucose is -1260 kl/mol. Calculate how 

much heat (in kl/mol) is released at standard 

conditions if 1 mol of glucose undergoes the 

following reaction. 

C6Hi206(s) + 602(g) -> 6C02(g) + 6H20(/) 

83. The temperature of a person with an extremely 

high fever can be lowered with a sponge bath of 

isopropyl alcohol (C3H7OH). The heat of vapor¬ 

ization of this alcohol is 11.1 kcal/mol. 

a. How many kilocalories of heat are removed 

from a person’s skin when 175 g of isopropyl 

alcohol evaporates? How many kilojoules? 

b. How many kilograms of water would this 

energy loss cool in lowering the temperature 

from 40.0°C to 36.0°C? 

84. Ethane (C2H6(g)) can be formed by the reaction 

of ethene (C2H4(g)) with hydrogen gas. 

C2H4(g) + H2(g) -» C2H6(g) 

Use the heats of combustion for the following 

reactions to calculate the heat change for the 

formation of ethane from ethene and hydrogen. 

2H2(g) + 02(g) -> 2H20(Z) 

AH= -5.72 X 102 kj 

C2H4(g) + 302(g) -> 2H20(/) + 2C02(g) 

A H= -1.401 X 103kl 

2C2H6(g) + 702(g) -> 6H20(/) + 4C02(g) 

AH= -3.100 X 103 k) 

85. An ice cube at 0°C was dropped into 30.0 g of water 

in a cup at 45.0°C. At the instant that all of the ice 

was melted, the temperature of the water in the 

cup was 19.5°C. What was the mass of the ice cube? 

86. The molar heat of vaporization of water at vari¬ 

ous temperatures is given in the graph. Estimate 

the amount of heat required to convert 1 L of 

water to steam on the summit of Mount Everest 

(8850 m), where the boiling temperature of 

water is 70°C. 
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CHAPTER 

17 Assessment continued 

Cumulative Review 

87. Explain the difference between a manipulated 

variable and a responding variable. (Chapter 1) 

88. Write the correct chemical symbol for each ele¬ 

ment. {Chapter 2) 

a. chromium b. copper 

c. carbon d. calcium 

e. cesium f. chlorine 

89. Express the results of the following calculations 

with the correct number of significant figures. 

{Chapter3) 

a. 6.723 X 1.04 

b. 8.934 + 0.2005 + 1.55 

c. 864 -h 2.4 

d. 9.258 - 4.82 

90. List three kinds of subatomic particles in an 

atom. Describe each kind in terms of charge, 

relative mass, and location with respect to the 

nucleus. {Chapter 4) 

91. Calculate the wavelength of a radio wave with a 

frequency of 93.1 x 106 s'1. {Chapter 5) 

92. List the following atoms in order of increasing 

atomic radius: phosphorus, germanium, 

arsenic. {ChapterG) 

93. How many chloride ions would be required to 

react with these cations to make an electrically 

neutral particle? {Chapter 7) 

a. strontium cation 

b. calcium cation 

c. aluminum cation 

d. lithium cation 

94. How does a polar covalent bond differ from a 

nonpolar covalent bond? Which type of bond is 

found in molecular oxygen (02)? In carbon mon¬ 

oxide (CO)? {Chapters) 

95. Write formulas for the following compounds. 

{Chapter 9) 

a. potassium nitride 

b. aluminum sulfide 

c. calcium nitrate 

d. calcium sulfate 

96. How many hydrogen molecules are in 44.8 L 

H2(g) at STP? {Chapter 10) 

97. Write the net ionic equation for the reaction of 

aqueous solutions of sodium chloride and sil¬ 

ver acetate. {Chapter 11) 

98. When lightning flashes, nitrogen and oxygen 

combine to form nitrogen monoxide. The 

nitrogen monoxide reacts with oxygen to form 

nitrogen dioxide. Write equations for these two 

reactions. {Chapter 11) 

99. How many grams of oxygen are formed by the 

decomposition of 25.0 g of hydrogen peroxide? 

{Chapter 12) 

2H202{l)-> 2H20(Z) + 02(g) 

100. What fraction of the average kinetic energy of 

hydrogen gas at 100 K does hydrogen gas have 

at 40 K? (Chapter 13) 

101. A gas has a volume of 8.57 L at 273 K. What will 

be the volume at 355 K if its pressure does not 

change? {Chapter 14) 

102. What property of water makes it impossible to 

find pure water in nature? (Chapter 15) 

103. Do colloids, suspensions, or solutions contain 

the smallest particles? Which contain the larg¬ 

est particles? (Chapter 15) 
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Standardized Test Prep 

Test-Taking Tip 

Eliminate Wrong Answers If you don 't know 

which response is correct, start by eliminating 

those you know are wrong. If you can rule out 

some choices, you'll have fewer left to consider 

and you'll increase your chances of choosing 

the correct answer. 

Select the choice that best answers each question or 

completes each statement. 

1. The AHfus of ethanol (C2H5OH) is 4.60 kj/mol. 

How many kilojoules are required to melt 24.5 g 

of ethanol at its freezing point? 

a. 2.45 kj b. 5.33 kj 

c. 245 kj d. 18.8 kj 

2. How much heat, in kilojoules, must be added to 

178 g of water to increase the temperature of the 

water by 5.0°C ? 

a. 890 kj b. 36 kj 

c. 3.7 kj d. 0.093 kj 

3. The standard heat of formation of a free element 

in its standard state is always 

a. zero. b. positive, 

c. negative. d. higher for solids 

than gases. 

4. If AHfor the reaction 2HgO(s) -> 2Hg(Z) + 

02(g) is 181.66 kj, then AH for the reaction 

Hg(0 + 5O2(g) -> HgO(s) is 
a. 90.83 kj. b. -90.83 kj. 

c. 181.66 kj. d. -181.66 kj. 

5. The specific heat capacity of grain alcohol is ten 

times larger than the specific heat capacity of 

silver. A hot bar of silver with a mass of 55 g is 

dropped into an equal mass of cool alcohol. If 

the temperature of the silver bar drops 45 °C, the 

temperature of the alcohol 

a. increases 45°C. b. decreases 4.5°C. 

c. increases 4.5°C. d. decreases 45°C. 

6. Hydrogen gas and fluorine gas react to form 

hydrogen fluoride, HF. Calculate the enthalpy 

change (in kj) for the conversion of 15.0 g of 

H2(g) to HF(g) at constant pressure. 

H2(g) + F2(g) -» 2HF(g) 

AH = -536 kj 

The lettered choices below refer to Questions 7-10. A 

lettered choice may be used once, more than once, or 

not at all. 

(A) kj/mol 

(B) (J*°C)/g 

(C) J/(g-°C) 

(D) kj 

(E) kJ/°C 

Which unit is appropriate for each of the following 

measurements? 

7. heat of reaction 

8. heat capacity 

9. molar heat of fusion 

10. specific heat 

Use the graph and table to answer Questions 11-14. 

Assume 1.00 mol of substance in each container. 

Temperature vs. Heat Supplied 

Substance 
Freezing 
point (K) 

A^fus 
(kJ/mol) 

Boiling 
point (K) 

AHvap 
(kJ/mol) 

Ammonia 195.3 5.65 239.7 23.4 

Benzene 278.7 9.87 353.3 30.8 

Methanol 175.5 3.16 337.2 35.3 

Neon 24.5 0.33 27.1 1.76 

11. Calculate heat absorbed in region A for neon. 

12. Calculate heat absorbed in region C for benzene. 

13. Calculate heat absorbed in regions B and C for 

methanol, [specificheat = 81.6 J/(g-°C)j 

14. Calculate heat absorbed in regions A, B, and C 

for ammonia, [specific heat = 35.1 J/ (g*°C)] 

Standardized Test Prep 539 



Activity 

Temperature and Reaction Rates 
Materials 
masking tape, four plastic cups, hot and cold tap 

water, ice, a thermometer, four effervescent antacid 

tablets, a clock or watch with a second hand, graph 

paper, and a pen or pencil. 

3. Measure and record the temperature of the water 

in cup A. 

4. Drop a tablet into cup A and measure the time it 

takes for the reaction (bubble production) to end. 

Repeat Steps 3 and 4 using the remaining three cups. 

5. Draw a line or bar graph of temperature versus 

reaction time. 
Procedure in m 
1. Mark an A, B, C, or D on four separate pieces of 

masking tape. Label each plastic cup with one of 

the lettered pieces of tape. 

2. Fill each cup three-quarters full as follows: (A) cold 

tap water plus some ice, (B) cold tap water, (C) 

half-and-half mixture of cold tap water and hot tap 

water, (D) hot tap water. 

Think About It 

1. Do the tablets react faster at higher temperatures? 

Explain why or why not. 

2. What results would you expect if you crushed the 

tablets into a powder before adding them to the 

water? Explain your prediction. If time permits, 

check this prediction experimentally. 

CHAPTER 
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18.1 Rates of Reaction 

Connecting to Your World 
* Metal objects can be damaged 

by corrosion, but this process can be useful to hungry soldiers, truck 

drivers, and others who want a hot meal but do not have a place to cook 

it. Products now on the market use the heat given off 

by the corrosion reaction of an iron-magnesium 

alloy with salt water to produce a hot meal. 

Normally the reaction takes place at such a 

slow rate that the heat released from the 

process cannot be used. But when the rate is 

increased by the addition of salt water, heat 

is produced rapidly. In this section,you will 

learn some ways in which the rate of a reaction 

can be increased. 

Collision Theory 
When you strike a match, it erupts into flame almost instantly and burns 

quickly. Some other reactions occur more slowly. For example, millions of 

years were required for dead plants beneath Earth’s surface to be converted 

to coal. These examples show that the speed of chemical reactions can vary 

from instantaneous to extremely slow. 

The concept of speed is already familiar to you. The winning sprinter in 

Figure 18.1 covers 100 meters in 11.5 seconds. She runs at a speed of 8.70 m/s. 

Another sprinter takes 15.0 seconds to cover the same distance. She runs at a 

speed of 6.67m/s. Both 8.70 m/sand 6.67 m/s express rates of travel. 

Guide for Reading 

Key Concepts 
• How is the rate of a chemical 

change expressed? 
• What four factors influence the 

rate of a chemical reaction? 

Vocabulary 
rate 

collision theory 

activation energy 

activated complex 

transition state 

inhibitor 

Reading Strategy 
Outlining As you read, make an 
outline of the most important 
ideas in this section. Use the red 
headings as the main topics and 
the blue as subtopics. Add a 
sentence or a note after each 
heading to provide key 
information about each topic. 

Start 

L 
Distance (m) Finish 

Rate = 
Distance (m) 

Time (s) 
= ? 

Figure 18.1 Speed is measured 
as a change in distance in a 
given interval of time. A world- 

class sprinter might cover 
100 meters in 11.5 seconds; the 

speed, or rate, is 100 m/11.5 s = 
8.70 m/s. 
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Figure 18.2 Change occurs at 

different rates. Interpreting A rate is a measure of the speed of any change that occurs within an 

Photographs List the changes interval of time. The interval of time may range from fractions of a second to 

shown above in order of speed centuries. Figure 18.2 shows some familiar examples of rates of change. If 
from slowest to fastest. .. , ... 

one half of a 1-mole piece of iron turns to rust in one year, the rate at which 

iron rusts might be expressed as 0.5 mol/yr. In chemistry, the rate of 

chemical change or the reaction rate is usually expressed as the amount of 

reactant changing per unit time. The progress of a typical reaction is illus¬ 

trated in Figure 18.3. 

Rates of chemical reactions are related to the properties of atoms, ions, 

and molecules through a model called collision theory. According to 

collision theory, atoms, ions, and molecules can react to form products 

when they collide with one another, provided that the colliding particles 

have enough kinetic energy. Particles lacking the necessary kinetic energy 

to react bounce apart unchanged when they collide. Figure 18.4 is a model 

for the reaction of hydrogen and oxygen molecules to form water. 

You can use two balls of soft modeling clay to illustrate collision theory. 

If you throw the balls of clay together gently, they don’t stick to one 

another. This is analogous to colliding particles of low energy that fail to 

react. The same balls of clay thrown together with great force, however, 

stick tightly to each other. This is analogous to the collision of two high- 

energy particles that results in the formation of a product. 

Figure 18.3 As time passes, the 

amount of reactant (red squares) 
decreases and the amount of 

product (blue spheres) increases. 
Rates of chemical reactions are 
often measured as a change in 

the number of moles during an 
interval of time. Interpreting 
Diagrams Assuming equal 
time intervals between the 

boxes, how can you tell that the 
rate of conversion of reactant 

to product is not constant 
throughout this reaction? 
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Figure 18.4 If colliding particles 
have enough kinetic energy and 

collide at the right orientation, 

they can react to form a new 

product. O An effective collision 

of reactant molecules produces 

product molecules. © An 
ineffective collision of reactant 

molecules produces no reaction, 

and the reactants bounce apart 
unchanged. 

4 

J 

You can also use modeling clay to illustrate another point about chem¬ 

ical reactions. If you roll clay into a rope and begin to shake one end more 

and more vigorously, you will come to a point where the clay rope will 

break. Similarly, if enough energy is applied to a molecule, the bonds hold¬ 

ing the molecule together can break apart. Substances, when supplied with 

sufficient energy, decompose to simpler substances or reorganize them¬ 

selves into new substances. The minimum energy that colliding particles 

must have in order to react is called the activation energy. In a sense, the 

activation energy for a chemical reaction is a barrier that reactants must 

cross to be converted to products. You can see in the energy diagram in 

Figure 18.5 that when two reactant particles with the necessary activation 

energy collide, a new entity called the activated complex may form. 

Energy Changes in a Reaction 
Figure 18.5 The activation- 
energy barrier must be crossed 

before reactants are converted 

to products. 

INTERPRETING GRAPHS 

a. Navigate Which are at a 

higher energy, the reactants 
or products? 
b. Read Is energy absorbed or 

released in progressing from 
the reactants to the activated 
complex? 

c. Interpret Once the 
activated complex is formed, 

will it always proceed to form 
products? Explain. 

Section 18.1 Rates of Reaction 543 



Materials 
• #0000 steel wool pad 

• tongs 

• Bunsen burner 

• heat-resistant pad 

• pencil and paper 

Procedure IP fa1 □ CB 
1. Roll a small piece of steel wool into 

a very tight, pea-sized ball. 

2. Holding the ball with tongs, heat the 

steel wool in the blue-tip flame of the 

burner for no longer than 10 seconds. 

In this and subsequent steps, place 

pieces of heated steel wool on the 

heat-resistant pad to cool. Observe 

all appropriate safety precautions 

when working with the burner and 

the heated materials. Record your 

observations. 

3. Gently roll a second piece of steel wool 

into a loose, pea-sized ball. Holding the 

loose ball with the tongs, heat the wool 

in the burner flame for no longer than 

10 seconds. Record your observations. 

4. Pull a few individual fibers of steel wool 

from the pad. Hold one end of the 

loose fibers with the tongs and heat 

them in the flame of the burner for no 

longer than 10 seconds. Again record 

your observations. 

Analyze and Conclude 
1. What differences did you observe 

when the tight ball, the loose ball, and 

the loose fibers were heated in the 

flame? Give a reason for any differ¬ 

ences you observed. 

2. Write the balanced equation for any 

chemical reaction you may have 

observed (assume that the steel wool 

is composed mainly of iron). 

3. How do your results differ from those 

observed in the rusting of an automo¬ 

bile body? 

4. Explain why steel wool is a hazard in 

shops where there are hot plates, open 

flames, or sparking motors. 

An activated complex is an unstable arrangement of atoms that forms 

momentarily at the peak of the activation-energy barrier. An activated 

complex forms only if the colliding particles have sufficient energy and if 

the atoms are oriented properly. The lifetime of an activated complex is 

typically about 1(T13 s. Its brief existence ends with the re-formation of the 

reactants or with the formation of products. The two outcomes are equally 

likely. Thus the activated complex is sometimes called the transition state. 

Collision theory explains why some naturally occurring reactions are 

immeasurably slow at room temperature. Carbon and oxygen react when 

charcoal burns, but this reaction has a high activation energy. At room 

temperature, the collisions of oxygen and carbon molecules are not ener¬ 

getic enough to break the O—O and C—C bonds. These bonds must be 

broken to form the activated complex. Thus the reaction rate of carbon 

with oxygen at room temperature is essentially zero. 

(^Checkpoint) What are two events that might occur after the formation of 

an activated complex? 
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Factors Affecting Reaction Rates 
Every chemical reaction proceeds at its own rate. Some reactions are naturally 

fast and some are naturally slow under the same conditions. However, by 

varying the conditions of the reaction, the rate of almost any reaction can be 

modified. The rate of a chemical reaction depends upon temperature, 

concentration, particle size, and the use of a catalyst. Collision theory helps 

explain why changing one or more of these factors may affect the rate of a 

chemical reaction. 

Temperature Usually, raising the temperature speeds up reactions, 

while lowering the temperature slows down reactions. At higher tempera¬ 

tures, the motions of the reactant particles are faster and more chaotic than 

they are at lower temperatures. Increasing the temperature increases both 

the frequency of collisions and the number of particles that have enough 

kinetic energy to slip over the activation-energy barrier to become prod¬ 

ucts. An increase in temperature, therefore, causes products to form faster. 

A familiar example of the effect of temperature on reaction rate is the 

burning of charcoal. At room temperature, a bag of charcoal in contact 

with air does not burn. But when a starter flame touches the charcoal, 

atoms of the reactants (carbon and oxygen) collide with higher energy and 

greater frequency. Some collisions are at a high enough energy to form the 

product (carbon dioxide). The heat released by the reaction then supplies 

enough energy to get more carbon and oxygen over the activation-energy 

barrier. When the starter flame is removed, the reaction continues. 

Concentration In a crowded room where people are moving about rap¬ 

idly, you may find yourself bumping into people more frequently than if you 

were one of a few occupants. Similarly, the number of particles in a given 

volume affects the rate at which reactions occur. Cramming more particles 

into a fixed volume increases the concentration of reactants and conse- 

quendy the frequency of collision. Increased collision frequency leads to a 

higher reaction rate. The lighted splint in Figure 18.6 only glows in air, which 

is 20% oxygen. It may soon be extinguished. But when the glowing splint is 

plunged into pure oxygen, it immediately bursts into flame. The increased 

concentration of oxygen greatly speeds up the combustion reaction. This is 

why flames are forbidden in areas where bottled oxygen is in use. 

Textbook 

Animation 22 Explore 
several factors that control the 
speed of a reaction. 

. . . .with ChemASAP 

C Go inline 
-‘®>sc/,*s 

For: Links on Reaction 
Rates 

Visit: www.SciLinks.org 
Web Code: cdn-1181 

Figure 18.6 The rate of a 
reaction depends upon the 

concentrations of the reactants. 
0 In air, a lighted splint glows 

and soon goes out. © When 
placed in pure oxygen, the splint 

bursts into flame, inferring 
What accounts for the difference 

in reactivity? 
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Figure 18.7 An explosion 
destroyed this grain elevator. 

The minute size of the reactant 
particles (grain dust), and the 

mixture of the grain dust with 
oxygen in the air caused the 
reaction to be explosive. 

iTexfbook 

Simulation 23 Explore the 
effects of concentration, 
temperature, and a catalyst 
on reaction rate. 

with ChemASAP 

Particle Size If you put a bundle of sticks on a campfire, they burn 

quickly. A log, however, burns more slowly. Small pieces of wood have more 

surface area than a log, and surface area plays an important role in deter¬ 

mining the rate of reaction. The same is true for other chemical reactions. 

The total surface area of a solid or liquid reactant affects the reaction rate. 

The smaller the particle size, the larger is the surface area for a given mass 

of particles. An increase in surface area increases the amount of the reac¬ 

tant exposed for reaction, which further increases the collision frequency 

and the reaction rate. 

One way to increase the surface area of solid reactants is to dissolve 

them. In a solution, particles are separated and more accessible to other 

reactants. You can also increase the surface area of a solid by grinding it 

into a fine powder. Small dustlike particles, however, can be dangerous 

when suspended in air. As coal miners know, large chunks of coal pose lit¬ 

tle danger, but coal dust mixed with air is an explosive hazard because of its 

large surface area. The same is true of dust in a flour mill or a grain elevator, 

as the dramatic photograph in Figure 18.7 shows. 

Catalysts Increasing the temperature is not always the best way to 

increase the rate of a reaction. A catalyst is often better. Recall that a catalyst 

is a substance that increases the rate of a reaction without being used up 

during the reaction. Catalysts permit reactions to proceed along a lower 

energy path, as Figure 18.8 shows. Notice that the activation energy barrier 

for the catalyzed reaction is lower than that of the uncatalyzed reaction. 

With a lower activation-energy barrier, more reactants have the energy to 

form products within a given time. For instance, the rate of the combination 

reaction of hydrogen and oxygen at room temperature is negligible, but with 

a trace of finely divided platinum (Pt) as a catalyst, the reaction is rapid. 

2H2(g) + O2(g) 2H20(Z) 

Because a catalyst is not consumed during a reaction, it does not appear 

as a reactant or product in the chemical equation. Instead, the catalyst is 

often written above the yield arrow, as in the equation above. 
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Figure 18.8 A catalyst increases 

the rate of a reaction by lowering 

the activation-energy barrier. 

The Effect of a Catalyst on Activation Energy 

INTERPRETING GRAPHS 

a. Navigate How does the 
catalyst affect the magnitude 

of the activation energy? 

b. Read Does the catalyst 
change the amount of energy 

released in the reaction? 
c. Interpret Along which of 

the two reaction paths are 

reactants converted more 
rapidly to products? 

Catalysts are crucial for many life processes. Your body temperature is only 

37°C and cannot be raised significantly without danger. Without catalysts, 

few reactions in the body would proceed fast enough. Enzymes are biolog¬ 

ical catalysts that increase the rates of biological reactions. When you eat a 

meal containing protein, enzymes in your digestive tract break down the 

protein molecules in a few hours. Without enzymes, the digestion of pro¬ 

tein at 37°C would take many years! 

An inhibitor is a substance that interferes with the action of a catalyst. 

Some inhibitor molecules work by reacting with, or “poisoning,” the cata¬ 

lyst itself. Thus the inhibitor reduces the amount of functional catalyst 

available. Reactions slow or even stop when a catalyst is poisoned. 

18.1 Section Assessment 

1. Key Concept How is the rate of a chemical 

reaction expressed? 

2. Key Concept What are four factors that affect 

the rate of a chemical reaction? 

3. Suppose a thin sheet of zinc containing 0.2 mol of 

the metal is completely converted to zinc oxide 

(ZnO) in one month. How would you express the 

rate of conversion of the zinc? 

4. Does every collision between reacting particles 

lead to products? Explain. 

5. Refrigerated food stays fresh for long periods. The 

same food stored at room temperature quickly 

spoils. Why? 

Writing Activity 

Write a Report Catalytic converters are required on 
all cars manufactured in the United States. Find out 

what substances are used as the catalysts. What 
chemical reactions does the catalyst facilitate? Write 
a report summarizing your findings. 

@ 

^ Textbook 

Assessment 18.1 Test yourself 
on the concepts in Section 18.1. 

--with ChemASAP 
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Don't Let Good Food Go Bad 

Forthousands of years, people have dried fruits and vegetables 

Refrigeration Storing foods in a 

refrigerator keeps them fresh 

longer. Low temperatures slow 
microbial action. Meat kept at 

freezing temperatures has a 

lifetime of months. 

and salted or smoked meat and fish to keep them from 

spoiling.These methods slow oxidation and the action of 

microorganisms. When food oxidizes, or reacts with oxygen, 

it becomes rancid and turns brown. Microorganisms such as 

bacteria, yeast, and molds destroy or contaminate food, 

making it unfit to eat.Today, methods for preserving food also 

include refrigeration and the addition of preservatives— 

antioxidants and antimicrobials. Inferring Why is it a good 

practice to keep food in closed containers? 

1 

Sulfites and sulfur dioxide These compounds 

are antioxidants and antimicrobials used in 

drying fruits and preserving fruit juices. Canning 

and pickling slow the action of microbes and 

limit contact with air. 

Antioxidants The preservatives 

BHT (butylated hydroxytoluene) 

and BHA (butylated hydroxyanisole), 

added to packaging or to the food 

inside, keep the food from 

becoming stale quickly. 

Oxygen-free packaging Many food 

packages contain nitrogen or another 

nonreactive gas rather than air. 

Excluding oxygen prolongs shelf life. 
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L 
18.2 Reversible Reactions and Equilibrium 

Connecting to Your World c 
3 For years, scientists tried to pro¬ 

duce nitrogen compounds for fertilizers to increase the amount of avail¬ 

able foodstuffs. Unfortunately, none of these efforts proved to be 

commercially successful. Finally, in the early 

1900s, two German chemists, Fritz Haber and 

Karl Bosch, refined the process of making 

ammonia from elemental nitrogen and 

hydrogen.Their success came from con¬ 

trolling the temperature and pressure 

under which the two gases are reacted. 

In this section, you will learn how chang¬ 

ing the reaction conditions can influence 

i yield of a chemical reaction. 

Reversible Reactions 
From what you have already learned, you may have inferred that chemical 

reactions go completely from reactants to products, just as the chemical 

equation indicates. This is not usually the case. Some reactions are revers¬ 

ible. A reversible reaction is one in which the conversion of reactants to 

products and the conversion of products to reactants occur simulta¬ 

neously. One example of a reversible reaction is the following: 

Forward reaction: 2S02(g) + 02(g)-> 2SO3(g) 

Reverse reaction: 2S02(g) + 02(g) <-2S03(g) 

In the first reaction, which is read from left to right, sulfur dioxide and oxy¬ 

gen produce sulfur trioxide. In the second reaction, which is read from 

right to left, sulfur trioxide decomposes into oxygen and sulfur dioxide. The 

first reaction is called the forward reaction. The second is called the reverse 

reaction. The two equations can be combined into one using a double 

arrow. The double arrow tells you that this reaction is reversible. 

2SOz(g) + 02(g) 2S03(g) 

Sulfur Oxygen Sulfur 

dioxide trioxide 

Figure 18.9 shows that this equation represents two opposite reactions. 

(not at equilibrium) 

Guide for Reading 

Key Concepts 
• How do the amounts of 

reactants and products change 

in a chemical system at 

equilibrium? 

• What three stresses can cause 

a change in the equilibrium 

position of a chemical system? 

• What does the value of Keq 

indicate about the equilibrium 

position of a reaction? 

Vocabulary 
reversible reaction 

chemical equilibrium 

equilibrium position 

Le Chatelier's principle 

equilibrium constant 

Reading Strategy 
Previewing Before you read this 

section, rewrite the headings as 

how, why, and what questions 

about reversible reactions and 

equilibrium. As you read, write 

answers to the questions. 

Figure 18.9 Molecules of 
S02 and 02 react to give S03. 

Molecules of S03 decompose to 
give S02 and 02. At equilibrium, 

all three types of molecules are 
present in the mixture. 
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Figure 18.10 These graphs 
show how the concentrations 

of 02, S02, and S03 vary with 
time. Left: Initially, S02 and 02 

are present. Right: Initially, 
only S03 is present. 

INTERPRETING GRAPHS 

a. Navigate Where on the 
graphs can you find the 

initial concentrations of the 
reactants and products? The 
equilibrium concentrations? 

b. Read Which gas is most 

abundant at equilibrium? 
c. Interpret How do the 
equilibrium concentrations of 

02, S02, and S03 compare? 

Word Origins 
Equilibrium comes from 

the Latin word aequilibrium, 

meaning "in balance." In a 

chemical system at equilib¬ 

rium, the rate of the forward 

reaction is balanced by the 

rate of the reverse reaction. 

If the prefix dis-means 

"opposite or absence of," 

what does a state of dis¬ 

equilibrium indicate? 

What actually happens when sulfur dioxide and oxygen gases are mixed 

in a sealed chamber? The two reactants begin to react to form sulfur trioxide 

at a particular rate. Because no sulfur trioxide is present at the beginning of 

the reaction, the initial rate of the reverse reaction is zero. As sulfur trioxide 

begins to form, however, the decomposition of sulfur trioxide begins. This 

reverse reaction proceeds slowly at first, but its rate increases as the concen¬ 

tration of sulfur trioxide increases. Simultaneously, the rate of the forward 

reaction decreases because sulfur dioxide and oxygen are being used up. 

Eventually sulfur trioxide is decomposing to sulfur dioxide and oxygen as 

fast as sulfur dioxide and oxygen are forming sulfur trioxide. When the rates 

of the forward and reverse reactions are equal, the reaction has reached a 

state of balance called chemical equilibrium. Changes in concentrations of 

the three components during the course of the reaction are shown in the 

graphs in Figure 18.10. The graph on the left shows the progress of a reac¬ 

tion that starts with specific concentrations of SO, and 02, but with zero 

concentration of S03. The graph on the right shows concentrations for a 

reaction that begins with an initial concentration of S03 and zero concen¬ 

trations for S02 and 02. Notice that after a certain time, all concentrations 

remain constant. At chemical equilibrium, no net change occurs in the 

actual amounts of the components of the system. The amount of S03 in the 

equilibrium mixture is the maximum amount that can be produced by this 

reaction under the conditions of the reaction. 

The unchanging amounts of S02, 02, and S03 in the reaction mixture at 

equilibrium might cause you to think that both reactions have stopped. This 

is not the case. Chemical equilibrium is a dynamic state. Both the forward 

and reverse reactions continue, but because their rates are equal, no net 

change occurs in their concentrations. The escalators in Figure 18.11 are 

like the double arrows in a dynamic equilibrium equation. The number of 

people using the up escalator must equal the number of people using the 

down escalator for the number of people on both floors to remain constant. 

(y}Checkpoint) Why is chemical equilibrium called a dynamic state? 
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Although the rates of the forward and reverse reactions are equal at 

chemical equilibrium, the concentrations of the components on both sides 

of the chemical equation are not necessarily the same. In fact, they can be 

dramatically different. Figure 18.10 shows the equilibrium concentrations 

of S02, 02, and S03. The concentration of SOs is significantly greater than 

the concentrations of S02 and 02. The relative concentrations of the reac¬ 

tants and products at equilibrium constitute the equilibrium position of a 

reaction. The equilibrium position indicates whether the reactants or 

products are favored in a reversible reaction. If A reacts to give B and the 

equilibrium mixture contains significantly more of B—say 1% A and 99% 

B—then the formation of B is said to be favored. 

A^=- B 

1% 99% 

9 

Textbook 

Animation 23 Take a close 
look at a generalized reversible 
reaction. 

<_with ChemASAP 

On the other hand, if the mixture contains 99% A and 1% B at equilibrium, 

then the formation of A is favored. 

A B 

99% 1% 

Figure 18.11 If the rate at which 

shoppers move from the first 

floor to the second is equal to the 
rate at which shoppers move from 
the second floor to the first, then 

the number of shoppers on each 
floor remains constant. Applying 
Concepts Is it necessary that an 

equal number of shoppers be on 
each floor? Explain. 

Notice that the equilibrium arrows are not of equal length; the longer of the 

two arrows indicates the favored direction of a reaction. 

In principle, almost all reactions are reversible to some extent under 

the right conditions. In practice, one set of components is often so favored 

at equilibrium that the other set cannot be detected. If one set of compo¬ 

nents (reactants) is completely converted to new substances (products), 

you can say that the reaction has gone to completion, or is irreversible. 

When you mix chemicals expecting to get a reaction but no products can 

be detected, you can say that there is no reaction. Reversible reactions 

occupy a middle ground between the theoretical extremes of irreversibility 

and no reaction. 

A catalyst speeds up both the forward and the reverse reactions equally 

because the reverse reaction is exactly the opposite of the forward reaction. 

The catalyst lowers the activation energy of the reaction by the same 

amount in both the forward and reverse directions. Catalysts do not affect 

the amounts of reactants and products present at equilibrium; they simply 

decrease the time it takes to establish equilibrium. 

(^Checkpoint) What is chemical equilibrium? 



Factors Affecting Equilibrium: 
Le Chatelier's Principle 
A delicate balance exists in a system at equilibrium. Changes of almost any 

kind can disrupt this balance. When the equilibrium of a system is dis¬ 

turbed, the system makes adjustments to restore equilibrium. However, the 

equilibrium position of the restored equilibrium is different from the origi¬ 

nal equilibrium position; that is, the amounts of products and reactants 

may have increased or decreased. Such a change is called a shift in the 

equilibrium position. 

The French chemist Henri Le Chatelier (1850-1936) studied how the 

equilibrium position shifts as a result of changing conditions. He proposed 

what has come to be called Le Chatelier's principle: If a stress is applied to a 

system in dynamic equilibrium, the system changes in a way that relieves 

the stress. Stresses that upset the equilibrium of a chemical system 

include changes in the concentration of reactants or products, changes in 

temperature, and changes in pressure. 

The following examples of applications of Le Chatelier’s principle all 

involve reversible reactions. For simplicity and clarity, the components to 

the left of the reaction arrow will be considered the reactants and the com¬ 

ponents to the right of the reaction arrow will be considered the products. 

Blue arrows indicate the shifts resulting from additions to or removals from 

the system. The arrows always point in the direction of the resulting shift in 

the equilibrium position—that is, toward the favored side. 

Concentration Changing the amount, or concentration, of any reactant 

or product in a system at equilibrium disturbs the equilibrium. The system 

adjusts to minimize the effects of the change. Consider the decomposition 

of carbonic acid (H2C03) in aqueous solution to form the products carbon 

dioxide and water. The system has reached equilibrium. At equilibrium the 

amount of carbonic acid is less than 1%. 

Add C02 
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Adding more carbon dioxide disturbs the equilibrium. It increases the con¬ 

centration of C02 in the mixture and causes the rate of the reverse reaction 

to increase. As more reactant (H2C03) is formed, the rate of the forward 

reaction also begins to increase. In time, the rates of the forward and reverse 

reactions again become equal, and a new equilibrium is established with a 

higher concentration of reactant (H2C03). Adding a product to a reaction at 

equilibrium pushes a reversible reaction in the direction of reactants. 

If, on the other hand, carbon dioxide is removed, the concentration of 

C02 decreases. This causes the rate of the reverse reaction to decrease. As 

less reactant (H2C03) is being formed, the rate of the forward reaction also 

begins to decrease. When the rates of the forward and reverse reactions 

again become equal, equilibrium is restored but at a different equilibrium 

position. Removing a product always pushes a reversible reaction in the 
direction of products. 

Farmers use this technique to increase the yield of eggs laid by hens. 

Hens lay eggs and then proceed to hatch them. If the eggs are removed 

after they are laid (removing the product), the hen will lay more eggs 

(increasing the yield). Similarly as products are removed from a reaction 

mixture, the system continually changes to restore equilibrium by produc¬ 

ing more products. But because the products are being removed, the reac¬ 

tion can never reestablish equilibrium. The reaction continues to produce 

products until the reactants are used up. Another example of this concept 

is found in the body. Blood contains dissolved carbonic acid in equilibrium 

with carbon dioxide and water. The body uses the removal of products to 

keep the concentration of carbonic acid within a safe range. When the ath¬ 

letes in Figure 18.12 exhale carbon dioxide, the equilibrium shifts toward 

carbon dioxide and water, thus reducing the amount of carbonic acid. The 

same principle applies to adding or removing reactants. When a reactant is 

added to a system at equilibrium, the reaction shifts in the direction of the 

formation of products. When a reactant is removed, the reaction shifts in 

the direction of formation of reactants. 

(^Checkpoint) According to Le Chatelier's principle, how does a system at 

equilibrium respond to a stress? 

9 

Simulation 24 Simulate 
Le Chatelier's principle for 
the synthesis of ammonia. 

--with ChemASAP 

Textbook 

Figure 18.12 The rapid 

exhalation of C02 during and 
after vigorous exercise helps 

reestablish the body's correct 
C02:H2C03 equilibrium. This 
keeps the acid concentration in 

the blood within a safe range. 
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Temperature Increasing the temperature causes the equilibrium posi¬ 

tion of a reaction to shift in the direction that absorbs heat. The heat 

absorption reduces the applied temperature stress. For example, consider 

the following exothermic reaction that occurs when S03 is produced from 

the reaction of S02 and 02. 

Add heat 

/ , _ , . <— Direction of shift , . 
2S02(g) + 02(g) . 2S03(g) + heat 

Remove heat (cool) 

Direction of shift —> 

Heat can be considered to be a product, just like S03. Heating the reaction 

mixture at equilibrium pushes the equilibrium position to the left, which 

favors the reactants. As a result, the product yield decreases. Cooling, or 

removing heat, pulls the equilibrium to the right, and the product yield 

increases. 

Figure 18.13 Pressure affects a 
mixture of nitrogen, hydrogen, 

and ammonia at equilibrium. 
O The system is at equilibrium. 

© Equilibrium is disturbed 
by an increase in pressure. 
© A new equilibrium position 

is established with fewer 
gas molecules. Interpreting 
Diagrams What effect does a 
decrease in volume have on the 
number of gas molecules? 

Pressure A change in the pressure on a system affects only gaseous equi¬ 

libria that have an unequal number of moles of reactants and products. An 

example is the reaction you read about in Connecting to Your World: hydro¬ 

gen and nitrogen react to form ammonia. Imagine that the three gases are 

at equilibrium in a cylinder that has a piston attached to a plunger—similar 

to a bicycle pump but with the hose sealed. A catalyst has been included to 

speed up the reaction. What happens to the pressure when you push the 

plunger down? The pressure on the gases momentarily increases because 

the same number of molecules is contained in a smaller volume. The sys¬ 

tem immediately relieves some of the pressure increase by reducing the 

number of gas molecules. For every two molecules of ammonia made, four 

molecules of the reactants are used up (three molecules of hydrogen and 

one of nitrogen). Therefore, the equilibrium position shifts to make more 

ammonia. There are then fewer molecules in the system. The pressure 

decreases, although it will not decrease all the way to the original pressure. 

As you can see in Figure 18.13, increasing the pressure on the system results 

in a shift in the equilibrium position that favors the formation of product. 

Increase pressure 

N2(g) + 3H2(g) . 2NH3(g) 
Reduce pressure 

<— Direction of shift 

£ 
Ammonia 

molecule (NH3) 

J 
Hydrogen 

molecule (H2) 

Nitrogen 
molecule (N2) © 

J J * 

Initial equilibrium condition 
(11 gas molecules) 

Pressure increased, New equilibrium 
equilibrium disturbed condition at increased 

pressure (9 gas molecules) 



The equilibrium position for this reaction can be made to favor the 

reactants instead of the product. Imagine pulling the plunger of the piston 

device back up so the volume containing the gases increases. This increase 

in volume decreases the pressure on the system. To restore the higher 

starting pressure, the system can produce more gas molecules by the 

decomposition of some ammonia molecules. Decomposition of two mole¬ 

cules of gaseous NH3 produces four molecules of reactants (three H2 and 

one N2). Pressure at the new equilibrium is higher than when the pressure 

was first decreased, but not as high as it was at the starting equilibrium. 

Lowering the pressure on the system thus results in a shift of the equilib¬ 

rium to favor the reactants. 

A stress on this physical 

equilibrium could result in 
a loss of balance. 

Applying Le Chatelier's Principle 

What effect do each of the following changes have on the equilibrium 

position for this reversible reaction? 

PCl5(g) + heat PCl3(g) + Cl2(g) 

a. addition of Cl2 b. increase in pressure 

c. removal of heat d. removal of PC13 as it is formed 

Analyze Identify the relevant concepts. 

a.-d. The stress placed on each system is 

known. The effect of each stress is unknown. 

By Le Chatelier’s principle, the equilibrium 

system will shift in a direction that minimizes 

the imposed stress. Analyze the effect of each 

change on the reaction. 

Solve Apply concepts to this situation. 

a. The addition of Cl2, a product, shifts the 

equilibrium to the left, forming more PC15. 

Practice Problem 

6. How is the equilibrium position of this reaction 

affected by the following changes? 

C(s) + H20(g) + heat^=^ CO(g) + H2(g) 

a. lowering the temperature 

b. increasing the pressure 

c. removing hydrogen 

d. adding water vapor 

Textbook 

Problem-Solving 18.6 Solve 
a similar problem with the help 
of an interactive guided tutorial. 

-with ChemASAP 

b. The equation shows 2 mol of gaseous product 

and 1 mol of gaseous reactant. The increase 

in pressure is relieved if the equilibrium shifts 

to the left, because a decrease in the number 

of moles of gaseous substances produces a 

decrease in pressure. 

c. The removal of heat causes the equilibrium 

to shift to the left, because the reverse reac¬ 

tion is heat-producing. 

d. The removal of PC13 causes the equilibrium 

to shift to the right to produce more PC13. 
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Equilibrium Constants 
Chemists express the position of equilibrium in terms of numerical values. 

These values relate the amounts of reactants to products at equilibrium. In 

a general reaction, a mol of reactant A and b mol of reactant B react to give 

c mol of product C and d mol of product D at equilibrium. 

aA + bB s cC + dD 

The equilibrium constant (/Qq) is the ratio of product concentrations to 

reactant concentrations at equilibrium, with each concentration raised to a 

power equal to the number of moles of that substance in the balanced chemical 

equation. The expression for the equilibrium constant can be written this way. 

_ [C]f X [D]d 

et> [Af X [Bf 

The exponents in the equilibrium-constant expression are the coefficients 

in the balanced chemical equation. The square brackets indicate the con¬ 

centrations of substances in moles per liter (mol/L). The value of f<^q 

depends on the temperature of the reaction. If the temperature changes, 

the value of Keq also changes. 

The size of the equilibrium constant shows whether products or reac¬ 

tants are favored at equilibrium. A value of K,.q greater than 1 means 

that products are favored over reactants; a value of KM) less than 1 means that 

reactants are favored over products. 

Keq > 1, products favored at equilibrium 

Keq< 1, reactants favored at equilibrium 

Figure 18.14 Dinitrogen 

tetroxide is a colorless gas; 

nitrogen dioxide is a brown gas. 
The flask on the left is in a dish 
of hot water; the flask on the 

right is in ice. Interpreting 
Illustrations How does an 

increase in temperature 
affect the equilibrium of a 

mixture of these gases? 

© Nitrogen dioxide (N02) 

Dinitrogen tetroxide (N204) 

When the numerical value of an equilibrium constant is calculated, the 

cancellation of units may or may not lead to a unit for the constant. Chem¬ 

ists have agreed to report all equilibrium constants without stated units. 

Sample Problem 18.1 shows how to calculate the equilibrium constant for 

the reaction illustrated in Figure 18.14. 

Warm Cool 
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SAMPLE PROBLEM 18.1 

Expressing and Calculating Keq 

The colorless gas dinitrogen tetroxide (N204) and the dark brown gas 

nitrogen dioxide (N02) exist in equilibrium with each other. 

N204(g)^2N02(g) 

A liter of a gas mixture at equilibrium at 10°C contains 0.0045 mol of 

N204 and 0.030 mol of N02. Write the expression for the equilibrium 

constant and calculate the equilibrium constant [Keq) for the reaction. 

ffl Analyze List the knowns and the unknowns. 

\ 

o 

Knowns Unknowns 

• [N204] = 0.0045 mol/L • Keq (algebraic expression) = ? 

• [NOz] = 0.030 mol/L • Keq (numerical value) = ? 

. K [C]c X [D]d 

eq [A]a X [B]fc 

Calculate Solve for the unknowns. 

To write the equilibrium constant expressions, place the concentration 

of the product in the numerator and the concentration of the reactant 

in the denominator. Raise each to the power equal to its coefficient 

in the chemical equation. Substitute the given concentrations and 

calculate Keq. 

[N02]2 (0.030 mol/L)2 

K^ _ [N204] “ 0.0045 mol/L 

(0.030 mol/L X 0.030 mol/L) 

0.0045 mol/L 

Math ' Handbook 

For help with using a 
calculator, go to page R62. 

o Evaluate Does the result make sense? 

Each concentration is raised to the correct power. The numerical value 

of the constant is correctly expressed to two significant figures. 

Practice Problems Affirm,.. 
' 

0 

Textbook 

Problem Solving 18.7 Solve 
Problem 7 with the help of an 
interactive guided tutorial. 

>_with ChemASAP 

7. The reversible reaction 

N2(g) + 3H2(g)^2NH3(g) 

produces ammonia, which is 

a fertilizer. At equilibrium, a 

1-L flask contains 0.15 mol H2, 

0.25 molN2, and 0.10 molNH3. 

Calculate Keq for the reaction. 

8. For the same mixture, under 

the same conditions described 

in Problem 7, calculate Keq for 

2NH3(g)^N2(g) +3H2(g). 

How is the Kpn for a forward 

reaction related to the Keq for 

a reverse reaction? 



For help with using a 
calculator, go to page R62. 

Textbook 

Problem Solving 18.9 Solve 
Problem 9 with the help of an 
interactive guided tutorial. 

-with ChemASAP 

F 
SAMPLE PROBLEM 18.2 

Finding the Equilibrium Constant 

One mol of colorless hydrogen gas and 1.00 mol of violet iodine vapor 

are sealed in a 1-L flask and allowed to react at 450°C. At equilibrium, 

1.56 mol of colorless hydrogen iodide is present, together with some of 

the reactant gases. Calculate K^q for the reaction. 

H2(g) + I2(g)^2HI(g) 

A Analyze List the knowns and the unknowns. 

Knowns 
• [H2] (initial) = 1.00 mol/L 

• [I2] (initial) = 1.00 mol/L 

• [HI] (equilibrium) = 1.56 mol/L 

[C]c X [D]d 

Unknowns 
• .Kgq (algebraic expression) = ? 

• KL (numerical value) = ? 

[A]a X [Bf 

Calculate Solve for the unknowns. 

The balanced equation indicates that 1.00 mol H, and 1.00 mol I2 are 

needed to form 2.00 mol HI. Making 1.56 mol of HI, therefore, con¬ 

sumes i x 1.56 mol of each or 0.78 mol of H2 and 0.78 mol of I2. 

Calculate how much H2 and I2 remain in the flask at equilibrium. 

mol H2 = mol I2 = (1.00 mol — 0.78 mol) = 0.22 mol 

[HI]2 
Write the expression for 7C,: Kpn = =, . . rT 

1 eq |H2J X [i2j 

Substitute the equilibrium concentrations of the reactants and prod¬ 

ucts into the equation and calculate. 

(1.56 mol/L)2 
K _ _ 1.56meI/L x 1.56 mel/L 

0.22 mol/L X 0.22 mol/L 0.22 mef/L x 0.22 mel/E 
= 50 

‘ly; Evaluate Does the result make sense? 

Each concentration is raised to the correct power. The numerical value 

of the constant is correctly rounded to two significant figures. 

Practice Problems 

9. Suppose the following system 

reaches equilibrium. 

N2(g) + 02(g) 2NO(g) 

Analysis of the equilibrium 

mixture in a 1-L flask gives 

the following results: 

N2 = 0.50 mol, 02 = 0.50 mol, 

and NO = 0.020 mol. Calculate 

10. At 750°C the following reac¬ 

tion reaches equilibrium in 

a 1-L flask. 

H2(g) + C02(g) 

K^q for the reaction. 

H20(g) + CO(g) 

Analysis of the equilibrium 

mixture gives the following 

results: H, = 0.053 mol, 

C02 = 0.053 mol, H20 = 

0.047 mol, and CO = 

0.047 mol. Calculate for 

the reaction. 
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You can also calculate the equilibrium concentrations of the reactants and 

products if you know the equilibrium constant and if you have some infor¬ 

mation about the initial or final concentration of one of the constituents. 

For example, bromine chloride (BrCl) decomposes to form bromine and 

chlorine according to this equation. 

2BrCl(g) Br,(g) + Cl2(g) 

At a certain temperature, the equilibrium constant for this reaction is 11.1. 

Suppose that pure BrCl is placed in a 1-L container and allowed to come to 

equilibrium. Analysis then shows that the reaction mixture contains 

4.00 moles of Cl2. How many moles of Br2 and BrCl are also present in the 

equilibrium mixture? 

According to the equation, when BrCl decomposes, equal numbers of 

moles of Br2 and Cl2 are formed. At equilibrium, 4.00 mol of Cl2 is present, 

so 4.00 mol of Br2 must also be present. Because the volume of the con¬ 

tainer is 1 L, the concentrations of Br, and Cl2 are each 4.00 mol/L. These 

concentrations can be used in the equilibrium constant expression to cal¬ 

culate the concentration of BrCl. 

[Br2] X [Cl2] 

[BrCl]2 

Rearrange the equation to solve for [BrCl]2 and substitute the known values. 

? __ [Br2] X [Cl2] (4.00 mol/L) X (4.00 mol/L) 
[BrCl] - -qxi — = 11.1 

[BrCl] = \/l.44 mol2/L2 = 1.20 mol/L 

1.44 mol2/L2 

The concentration of the reactant (BrCl) is less than the concentrations of 

the products, so the products (Br2 and Cl2) are slightly favored at equilib¬ 

rium. This is to be expected because K(.q > 1. Yellow chlorine gas and brown 

liquid bromine with its vapor are shown in Figure 18.15. 

Figure 18.15 Chlorine and 

bromine are two of the halogens. 
Comparing and Contrasting 
How are they similar? In what 

ways are they different? 

18.2 Section Assessment 

11. Key Concept How do the amounts of reac¬ 

tants and products change after a reaction has 

reached chemical equilibrium? 

12. Key Concept What are three stresses that can 

upset the equilibrium of a chemical system? 

13. Key Concept What does the value of the equi¬ 

librium constant tell you about the amounts of 

reactants and products present at equilbrium? 

14. How can a balanced chemical equation be used 

to write an equilibrium-constant expression? 

15. Can a pressure change shift the equilibrium 

position in every reversible reaction? Explain. 

16. Using the following equilibrium constants for sev¬ 

eral reactions, determine in which reactions the 

products are favored. Why? 

a.4|=lX 102 b. A;q = 0.003 c. ^ = 3.5 

Connecting x Concepts 

Percent Yield Recall the concept of percent yield of 
a chemical reaction in Section 12.3. Could the fact 
that a reaction is reversible and establishes equilib¬ 
rium affect the percent yield of a reaction? Explain. 

' Textbook 

Assessment 18.2 Test yourself 
on the concepts in Section 18.2. 

__with ChemASAP 
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Solubility Equilibrium 

Guide for Reading 

Key Concepts 
• What is the relationship 

between the solubility product 
constant and the solubility of a 
compound? 

• How can you predict whether 
precipitation will occur when 
two salt solutions are mixed? 

Vocabulary 
solubility product constant 

common ion 

common ion effect 

Reading Strategy 
Predicting Based on what you 
know about equilibrium and the 
dissociation of ionic compounds 
in aqueous solution, predict the 
form of the equilibrium constant 
expression for the dissolving of 
an ionic compound in water. 
After you read the section, check 
the accuracy of your prediction 
and clarify any misconceptions 
you may have had. 

Connecting to Your World x.rays allow physicians to make 

observations of bones and internal organs without invasive surgery. 

Sometimes chemical substances are us 

Barium sulfate is ingested by a patient 

before X-ray images of the digestive 

tract are taken. Barium sulfate ab¬ 

sorbs the X-rays, thereby producing I 

light areas on the developed X-ray ! 

film. However, barium salts are usually 

toxic. In this section,you will learn why 

patients can ingest this poisonous sub¬ 

stance without harm. 

The Solubility Product Constant 
Ionic compounds differ in their solubilities. Most salts of the alkali metals 

are soluble in water. More than 35 g of sodium chloride will dissolve in only 

100 g of water. Many classes of ionic compounds, however, are insoluble. 

For example, compounds that contain phosphate, sulfide, sulfite, or car¬ 

bonate ions are often insoluble. Exceptions are compounds in which these 

ions are combined with ammonium ions or alkali metal ions. Table 18.1 

summarizes the solubilities of many ionic compounds in water. 

Most insoluble salts will actually dissolve to some extent in water. 

These salts are said to be slightly, or sparingly, soluble in water. For exam¬ 

ple, Figure 18.16 shows what happens when the “insoluble” salt silver chlo¬ 

ride is mixed with water. A very small amount of silver chloride actually 

dissolves in the water. 

You can write an equilibrium expression for this process. 

[Ag+]_x [cr] 
[AgCl] 

K 
-eq 

; long as some undissolved AgCl (solid) is present, the concentration 

of the AgCl is a constant. Thus the concentration of AgCl, a constant, 

can be combined with the equilibrium constant to form a new con¬ 

stant. 

Keq X [AgCl] = [Ag+] X [CM = Ksp 

Figure 18.16 Silver chloride is slightly soluble in water. 
Predicting Would adding solid silver chloride to this test 

tube disturb the equilibrium? 

Guide for Reading 

Key Concepts 
• What is the relationship 

between the solubility product 
constant and the solubility of a 
compound? 

• How can you predict whether 
precipitation will occur when 
two salt solutions are mixed? 

Vocabulary 
solubility product constant 

common ion 

common ion effect 

Reading Strategy 
Predicting Based on what you 
know about equilibrium and the 
dissociation of ionic compounds 
in aqueous solution, predict the 
form of the equilibrium constant 
expression for the dissolving of 
an ionic compound in water. 
After you read the section, check 
the accuracy of your prediction 
and clarify any misconceptions 
you may have had. 
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Table 18.1 

Solubilities of Ionic Compounds in Water 

Compounds Solubility Exceptions 

Salts of Group 1A metals and ammonia Soluble Some lithium compounds 

Ethanoates, nitrates, chlorates, and 
perchlorates 

Soluble Few exceptions 

Sulfates Soluble Compounds of Pb, Ag, Hg, Ba, Sr, and Ca 

Chlorides, bromides, and iodides Soluble Compounds of Ag and some compounds 
of Hg and Pb 

Sulfides and hydroxides Most are 
insoluble 

Alkali metal sulfides and hydroxides are 
soluble. Compounds of Ba, Sr, and Ca are 
slightly soluble. 

Carbonates, phosphates, and sulfites Insoluble Compounds of the alkali metals and of 
ammonium ions 

This new constant:, called the solubility product constant (fC.p), equals 

the product of the concentrations of the ions each raised to a power equal 

to the coefficient of the ion in the dissociation equation. The coefficients 

for the dissociation of silver chloride are each 1. The value of f£.p for silver 

chloride at 25°C is 1.8 x 1CT10. 

[Ag+] X [Cl'] 

K.p = 1.8 X lO"10 

What does the size of the solubility product constant tell you about 

the solubility of the compound? The smaller the numerical value of the 

solubility product constant, the lower the solubility of the compound. The 

solubility product constants for some common sparingly soluble salts 

are given in Table 18.2 on the next page. The mineral deposits around sink 

drains, such as the one shown in Figure 18.17, are composed of com¬ 

pounds such as calcium carbonate (K.p = 4.5 x 10 9). The low solubility of 

such compounds makes them difficult to remove. 

(^Checkpoint J What does the solubility product constant expression 

consist of? 

Figure 18.17 Scale, formed by the precipitation of 

slightly soluble salts, often builds up around kitchen 
and bathroom faucets. Applying Concepts Why 
are insoluble substances hard to remove? 
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Table 18.2 

Solubility Product Constants (Ksp) at 25°C 

Salt KSP Salt Ksp Salt Ksp 

Halides 

AgCI 1.8 X 10 10 

Sulfates 

PbS04 6.3 X 10~7 

Hydroxides 

AI(OH)3 3.0 X 10~34 

AgBr 5.0 X 10-13 BaS04 1.1 x 10~10 Zn(OH)2 3.0 X 10-16 

Agl 8.3 X 10-17 CaS04 2.4 X 10 5 Ca(OH)2 6.5 X 10"6 

PbCI2 1.7 X 10~5 Sulfides Mg(OH)2 7.1 X 10^12 

PbBr2 2.1 X 10“6 NiS 4.0 X 10-20 Fe(OH)2 7.9 X 10“16 

Pbl2 7.9 X 10~9 CuS 8.0 X 10 37 Carbonates 

PbF2 3.6 X 10 8 Ag2S 8.0 X 10^51 CaC03 4.5 X 10~9 

CaF2 3.9 X 10 11 ZnS 3.0 X 10-23 SrC03 9.3 X 10^10 

Chromates FeS 8.0 X 10 19 ZnC03 1.0 X 10~10 

PbCr04 1.8 X 10“14 CdS 1.0 X 10^27 Ag2C03 8.1 X 10-12 

Ag2Cr04 1.2 X 10-12 PbS 3.0 X 10-28 BaC03 5.0 X 10^9 

The chromate ion is responsible 

for the brilliant yellow color of 
lead(ll) chromate. 

Textbook 

Problem Solving 18.17 Solve 
Problem 17 with the help of an 
interactive guided tutorial. 

with ChemASAP < 

SAMPLE PROBLEM 18.3 

Finding the Ion Concentrations in a Saturated Solution 

What is the concentration of lead ions and chromate ions in a saturated 

lead chromate solution at 25°C? (Ksp = 1.8 X 1(T14) 

Analyze List the knowns and the unknowns. 

Knowns 
•Ksp = 1.8 X10-14 Unknowns 

• Ksp = [Pb2+] X [Cr042-] * Ipb2+1 s ? M 
• PbCr04(s) Pb2+{aq) + Cr042 (aq) * ICr042-] = ? M 

For each Pb2+ ion formed, one Cr042^ ion is formed. 

Calculate Solve for the unknowns. 

Ksp m [Pb2+] x [Cr042-] = 1.8 X 10~14 

At equilibrium [Pb2+] = [Cr042^]. Substitute [Pb2+] for [Cr042~] in the 

expression for Ksp to get an equation with one unknown. 

Ksp = [Pb2+] X [Pb2+] = [Pb2+]2 = 1.8 x 10"14 

Solve for [Pb2+]. 

[Pb2+] = [Cr042-] = Vl8 X 10“14 = 1.3 x 10“7M 

Evaluate Does the result make sense? 

The product [Pb2+] X [Cr042-] is close to the value of Ksp. The answer 

should have two significant figures. 

Practice Problems 

17. Lead(II) sulfide (PbS) has a Ksp 18. What is the concentration of 

of 3.0 X 10-28. What is the con- calcium ions in a saturated 

centration of lead(II) ions in a calcium carbonate solution at 

saturated solution of PbS? 25°C? (Ksp = 4.5 x 10-9) 
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Figure 18.18 Lead(ll) chromate 
is slightly soluble in water. 

O A saturated solution of PbCr04 
is pale yellow. © When a few 

drops of lead nitrate (Pb(N03)2) 

are added to the solution, it 

becomes cloudy as more lead(ll) 

chromate precipitates. 
Applying Concepts Explain 

what happened in © by 

considering the addition of 

lead nitrate as a stress on the 
PbCr04 equilibrium. 

The Common Ion Effect 
In a saturated solution of lead(II) chromate, an equilibrium is established 

between the solid lead(II) chromate and its ions in solution. 

PbCr04(s) Vb2+[aq) + Cr042 {aq) J^p = 1.8 X 10 14 

What do you think would happen if you added some lead nitrate to this 

solution? The concentration of lead ion would increase. Immediately, the 

product of [Pb2+] and [Cr042~] would be greater than ^ . Applying Le 

Chatelier’s principle, the stress of the additional Pb2+ can be relieved if the 

reaction shifts to the left. Figure 18.18 demonstrates that lead ions combine 

with chromate ions in solution to form additional solid PbCr04. Lead chro¬ 

mate continues to precipitate from the solution until the product of [Pb2+] 

and [Cr042-] once again equals 1.8 X 10-14. 

K.p for the original solution: [Pb2+][Cr042~] = 1.8 X 1(T14 

K.p after addition of Pb(N03)2: [Pb2 + ] [Cr042~] = 1.8 X 1(T14 ' 

In this example, the lead ion is called a common ion. A common ion is 

an ion that is found in both salts in a solution. Adding lead nitrate to a satu¬ 

rated solution of PbCr04 causes the solubility of PbCr04 to decrease. The 

lowering of the solubility of an ionic compound as a result of the addition 

of a common ion is called the common ion effect. Adding sodium chromate 

to the solution of PbCr04 would also produce the common ion effect. The 

additional chromate ion, a different common ion, would similarly cause the 

solubility equilibrium to shift to the left and produce more PbCr04. 

Recall from Connecting to Your World that patients must ingest toxic 

barium sulfate (BaS04) when having an X-ray taken. Table 18.2 shows that 

the K.p of barium sulfate is 1.1 x 10 10. Considering this low value, it is 

understandable that barium cannot harm the patient because so little of it 

is in solution and able to enter the bloodstream. The solubility can be fur¬ 

ther reduced by adding sodium sulfate (Na2S04), a nontoxic soluble com¬ 

pound that provides the common ion S042x 

(^Checkpoint) What is the common ion effect? 

C Go 
-4B&SCI 

INKS 

For: Links on the Common 
Ion Effect 

Visit: www.SciLinks.org 
Web Code: cdn-1182 
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__ Handbook 

For help with algebraic 

equations, go to page R69. 

9 

Problem Solving 18.19 Solve 

Problem 19 with the help of an 

interactive guided tutorial. 

__.with ChemASAP 

SAMPLE PROBLEM 18.4 

j Finding Equilibrium Ion Concentrations in the Presence 
of a Common Son 

Photographic film is covered with a light-sensitive emulsion contain¬ 

ing silver bromide. The K.p of silver bromide is 5.0 X 10-13. What is the 

bromide-ion concentration of a 1.Q0-L saturated solution of AgBr to 

which 0.020 mol of AgN03 is added? 

Analyze List the knowns and the unknown. 

Knowns Unknown 

• K.p = 5.0 X ur13 • [Br] = ? M 

• moles of AgN03 added = 0.020 mol 

• volume of solution = 1 L 

•AgBr (5) =F=^Ag +{aq) + Br ~{aq) 

• = [Ag+] X [Br-] 

Express the concentrations of the two ions in one unknown. Let the 

equilibrium concentration of bromide ion from the dissociation be x. 

Then the equilibrium concentration of silver ion is x + 0.020. 

Calculate Solve for the unknown. 

Because of the small value of J^p, you can make a simplifying assump¬ 

tion: x will be negligibly small compared to 0.020. Thus the [Ag+] at 

equilibrium is approximately equal to 0.020M Solve for x and substi¬ 

tute these values into the iC.p expression. 

= [Ag+] x [Br-] - [Ag+] x x 

Ksp _ (5.0 X 10“13) 

x Ag ; [Ag+] 

(5.0 X 10"13) 
0.020 

=~. [Br“] = 2.5 X 10_11M 

The equilibrium concentration of bromide ion is 2.5 x 10~nM. 

ifj Evaluate Does the result make sense? 

Because the [Ag+] is so high, [Br-] should be very low, approaching the 

numerical value for K.p. The answer should have two significant 

figures, and the simplifying assumption was justified. 

Practice Problems 

19. What is the concentration of 

sulfide ion in a 1.0-L solution 

of iron(II) sulfide to which 

0.04 mol of iron(II) nitrate is 

added? The A(.p of FeS is 

8 X IQ-19. 

20. The K,p of SrS04 is 3.2 X 10-7. 

What is the equilibrium con¬ 

centration of sulfate ion in a 

1.0-L solution of strontium 

sulfate to which 0.10 mol of 

Sr(CH3C02)2 has been added? 
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The solubility product (A^p) can be used to predict whether a precipitate 

will form when solutions are mixed. If the product of the concentrations 

of two ions in the mixture is greater than the IQp of the compound formed 

from the ions, a precipitate will form. After precipitation, the solution will be 

saturated with the precipitated compound. If the product of the concentrations 

is less than the Kp, no precipitate will form and the solution is unsaturated. 

Suppose you have 0.50 L of 0.002M Ba(N03)2 and mix it with 0.50 L of 

0.008 M Na2S04. You then have one liter of solution. The insoluble com¬ 

pound that could precipitate is barium sulfate. To predict whether a pre¬ 

cipitate of BaS04 will form, you need to determine the concentration of the 

ions after the dilution that occurs on mixing. Precipitation will occur if the 

product of the concentrations of the two ions (Ba2+ and S042~) exceeds the 

K.p of BaS04, which is 1.1 x 1(T10. Because each solution was diluted with 

an equal volume of the other solution, the concentrations of both Ba2+ and 

S042~ after mixing will be half of their original concentrations. Thus in the 

combined solution, [Ba2+] = O.OOlMand [S042~] = 0.004M These concen¬ 

trations can now be multiplied together as a trial product and the result 

compared with the K.p. 

[Ba2+] X [S042“] = (0.001JW) X (0.004M) = 4 X 10“6 

The K^p of barium sulfate is 1.1 X 1CT10, so the trial product is larger than the 

K.p. A precipitate will form. Barium sulfate will precipitate until the product 

of the concentrations of the ions remaining in solution equals 1.1 x 10~10. 

Figure 18.19 shows the mixing of the solutions and the precipitation of bar¬ 

ium sulfate. 

Figure 18.19 A precipitate of barium 

sulfate forms as barium nitrate 
(Ba(N03)2) and sodium sulfate 

(Na2S04) solutions are mixed. 
Applying Concepts What is the 
product of the concentrations of 

barium ion and sulfate ion after 
precipitation is complete? 

[ 18.3 Section Assessment 

21. Key Concept What is the relationship 

between the solubility product constant and the 

solubility of a compound? 

22. Key Concept How can you predict whether a 

precipitate will form when two salt solutions are 

mixed? 

23. Write the solubility product expression for 

Ag2C03. 

24. What is the concentration of lead ions and sulfide 

ions in a saturated solution of lead sulfide (PbS) 

solution at 25°C? {K,p = 3.0 X 10 28) 

25. The of barium sulfate is 1.1 X 10 l0. What is the 

sulfate-ion concentration of a 1.00 L saturated 

solution of BaS04 to which 0.015 mol of Ba(N03)2 

is added? 

26. Would precipitation occur when 500 mL of a 

0.02M solution of AgN03 is mixed with 500 mL of 

a O.OOlMsolution of NaCl? Explain. 

27. Which compound, FeS {K,p = 8.0 x 10 19) or 

CuS (£sp = 8.0 x 10“37), has the higher solubility? 

28. What is the K.p of nickel(II) sulfide if the equilib¬ 

rium concentrations of Ni2+ and S2~ in a satu¬ 

rated solution of NiS are each 1 X 10“1()M? 

Connecting Concepts 

Spectator ions Refer to the discussion of spectator 

ions and net ionic equations in Section 11.3. In a 
precipitation reaction, would the addition of a spec¬ 
tator ion lead to the formation of more precipitate 
because of the common ion effect? Explain. 

Textbook 
Assessment 18.3 Test yourself 
on the concepts in Section 18.3. 

_with ChemASAP 
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Entropy and Free Energy 

Guide for Reading 

<r^ Key Concepts 
• What are two characteristics of 

spontaneous reactions? 

• What part does entropy play in 

chemical reactions? 

• What two factors determine the 

spontaneity of a reaction? 

• Is the Gibbs free-energy change 

positive or negative in a 

spontaneous process? 

Vocabulary 
free energy 

spontaneous reaction 

nonspontaneous reaction 

entropy 

law of disorder 

Gibbs free-energy change 

Reading Strategy 
Relating Text and Visuals As 

you read about spontaneous and 

nonspontaneous reactions, study 

Figure 18.25. Summarize three 

ways in which the energy terms of 

the free energy equation result in 

a spontaneous reaction and three 

ways in which they result in a non¬ 

spontaneous reaction. 

Connecting to Your World Fires in homes barns and other 

places sometimes seem to start on their own, without any application of 

heat from an external source.These fires could be caused by spontaneous 

combustion. Inside a pile of oily rags or a stack of hay that has not been 

thoroughly dried, decomposition causes 

heat to build up. If the existing con¬ 

ditions do not allow the heat to 

escape,the temperature can build 

up enough to cause a fire. In this 

section, you will learn about the 

conditions that will produce a 

spontaneous chemical reaction. 

I 

Free Energy and Spontaneous Reactions 
Many chemical and physical processes release energy that can be used to 

bring about other changes. For example, some of the energy liberated in a 

chemical reaction can be harnessed to do work, such as driving the pistons 

of an internal-combustion engine. Free energy is energy that is available to 

do work. Just because free energy is available to do work, however, does not 

mean that it can be used efficiently. The internal-combustion engine in a 

car is only about 30% efficient; that is, only about 30% of the free energy 

released by burning gasoline is used to propel the car. The remaining 70% is 

lost as friction and waste heat. However, no process can be made 100 per¬ 

cent efficient. Even in living things, which are among the most efficient 

users of free energy, processes are seldom more than 70% efficient. 

Another complication, in addition to energy efficiency, is that energy 

can be obtained from a reaction only if the reaction actually, rather than 

theoretically, occurs. In other words, although a balanced equation can be 

written for a chemical reaction, the reaction may not actually take place. 

For example, you can write an equation for the decomposition of carbon 

dioxide to carbon and oxygen. 

C02(g)-» C(s) + 02(g) 

This equation, which represents the reverse of combustion, is balanced. 

However, experience tells you that the reaction represented by the equa¬ 

tion does not tend to occur. Carbon and oxygen react to form carbon diox¬ 

ide, not the reverse. So the world of balanced chemical equations is really 

divided into two groups. One group contains equations representing reac¬ 

tions that actually occur; the other contains equations representing reac¬ 

tions that do not tend to occur, or at least not efficiently. 
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Figure 18.20 Fireworks displays 
are the result of highly favored 

spontaneous reactions. A large 
quantity of free energy is 

released. 

The first, and more important group involves processes that are sponta¬ 

neous. A spontaneous reaction occurs naturally and favors the formation of 

products at the specified conditions. Spontaneous reactions produce 

substantial amounts of products at equilibrium and release free energy. The 

colorful fireworks display shown in Figure 18.20 is an example of a sponta¬ 

neous reaction. In contrast, a nonspontaneous reaction is a reaction that 

does not favor the formation of products at the specified conditions. Non¬ 

spontaneous reactions do not give substantial amounts of products at 

equilibrium. 

Consider again the reversible decomposition of carbonic acid in water. 

H2C03( aq) C02(g) + HzO(Z) 
<1% >99% 

Carbonic acid is the reactant in the forward reaction. If you could start with 

pure carbonic acid in water and let the system come to equilibrium, more 

than 99% of the reactant would be converted to the products carbon diox¬ 

ide and water. These products are highly favored at equilibrium. The natu¬ 

ral tendency is for carbonic acid to decompose to carbon dioxide and 

water. Thus the forward reaction is spontaneous and releases free energy. 

In the reverse reaction, carbon dioxide and water are the reactants, and 

carbonic acid is the product. If you permit a solution of carbon dioxide in 

water to come to equilibrium, less than 1% of the reactants combines to 

form carbonic acid. The reactants show little natural tendency to go to 

products. Thus the combination of carbon dioxide and water to form car¬ 

bonic acid is nonspontaneous. In nearly all reversible reactions, one reac¬ 

tion is favored over the other. 

Another example, shown in Figure 18.21, is the spontaneous reaction 

of aqueous cadmium nitrate with aqueous sodium sulfide to produce 

aqueous sodium nitrate and solid yellow cadmium sulfide. Cadmium sul¬ 

fide is highly favored in this equilibrium. The reverse reaction, the produc¬ 

tion of cadmium nitrate and sodium sulfide from cadmium sulfide and 

sodium nitrate, is nonspontaneous. 

Cd(N03)2(ag) + Na2S( aq) CdS(s) + 2NaN03(a^) 

CddMOshfag; 

Na2S (aq) 

precipitate 
and NaNCVaq! 

Figure 18.21 A precipitate of 

cadmium sulfide (CdS) forms 
spontaneously when solutions 
of sodium sulfide (Na2S) and 

cadmium nitrate (Cd(N03)2) are 
mixed. Inferring Is free energy 

released in this reaction? 
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Figure 18.22 Many non- 
spontaneous reactions are 
required for a plant to grow. 
Nonspontaneous reactions can 

occur when they are coupled 
with spontaneous reactions. 

Inferring What is another 
requirement for this 
photosynthesis reaction? 

6C02 + 6H20 
light energy ^ 

C6Hi206 1 602 

It is important to note that the terms spontaneous and nonspontaneous 

do not refer to how fast reactants go to products. Some spontaneous reac¬ 

tions go so slowly that they appear to be nonspontaneous. The reaction of 

sugar and oxygen, lor example, produces carbon dioxide and water. How¬ 

ever, a bowl of sugar on a table does nothing, and you might assume that 

the equilibrium among sugar, oxygen, carbon dioxide, and water greatly 

favors the sugar and oxygen. The equilibrium does favor the products, but 

at room temperature the reaction is so slow that it takes thousands of years 

to reach equilibrium. When you supply energy in the form of heat, how¬ 

ever, the reaction is fast. Then it is obvious that the formation of carbon 

dioxide and water is highly favored. 

Some reactions that are nonspontaneous at one set of conditions may 

be spontaneous at other conditions. Changing the temperature or pressure, 

for example, may determine whether or not a reaction is spontaneous. The 

nonspontaneous photosynthesis reaction summarized in Figure 18.22 

could not be driven to completion without the energy supplied by sunlight. 

Sometimes a nonspontaneous reaction can be made to occur if it is 

coupled to a spontaneous reaction—a reaction that releases free energy. 

Coupled reactions are a common feature of the complex biological pro¬ 

cesses that take place in living organisms. Within cells, a series of sponta¬ 

neous reactions release the energy stored in glucose. As you will learn in 

Chapter 24, molecules in cells can capture and transfer free energy to non¬ 

spontaneous reactions, such as the formation of proteins. 

(^Checkpoint) If a reaction releases free energy, is the reaction 

spontaneous or nonspontaneous? 

Go ^Inline c 
INKS 

For: Links on Entropy 
Visit: www.SciLinks.org 
Web Code: cdn-1184 

Entropy 
Recall that heat (enthalpy) changes accompany most chemical and physi¬ 

cal processes. The combustion of carbon, for example, is exothermic and 

spontaneous. The heat released during this reaction is 393.5 kj for each 

mole of carbon (graphite) burned. 

C(s, graphite) + 02(g)-> C02(g) + 393.5 kj/mol 

li. 
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I You might expect that only exothermic reactions would be spontane¬ 

ous. Some processes, however, may be spontaneous even though they 

absorb heat. For example, consider the physical process of melting ice to 

water. As it turns from a solid to a liquid, 1 mol of ice at 25°C absorbs 6.0 kj 

of heat from its surroundings. 

H,0(s) + 6.0 kj/mol->H20(/) 

Ice melts spontaneously at 25°C, even though the water produced con¬ 

tains more heat than the ice from which it forms. Considering only en¬ 

thalpy changes, the energy of the water seems higher than the energy of the 

ice. That would seem to violate the rule that in spontaneous processes, the 

direction of the change in energy is from higher energy to lower energy; 

that is, free energy is released. Yet this process occurs anyway. Some factor 

other than the enthalpy change must help determine whether a physical or 

chemical process is spontaneous. 

The other factor is related to order. You are probably familiar with 

everyday ideas about order and disorder. For example, a handful of mar¬ 

bles is relatively ordered in the sense that all the marbles are collected in 

one place. It is improbable that when permitted to fall, the marbles will end 

up in the same neat arrangement. Instead, the marbles scatter on the 

ground. They become disordered. Scattered marbles have a higher entropy 

than a handful of marbles. Entropy is a measure of the disorder of a system. 

The concept that physical and chemical systems attain the lowest pos¬ 

sible energy has a companion idea called the law of disorder, which states 

that the natural tendency is for systems to move in the direction of maxi¬ 

mum disorder or randomness. You already know something about this nat¬ 

ural tendency toward disorder. Maybe the photographs in Figure 18.23 look 

familiar to you. More than likely, your bedroom is neat and clean at the 

beginning of the week. But unless you put energy (work) into maintaining it, 

your room becomes messy by the end of the week. 

The law of disorder (entropy change) also operates at the level of atoms 

and molecules and so it is a factor in determining the direction of chemical 

reactions, An increase in entropy favors the spontaneous chemical 

reaction; a decrease favors the nonspontaneous reaction. Figure 18.24 on the 

following page illustrates some generalities that will help you to predict the 

course of many reactions. 

Figure 18.23 The entropy of 

a recently cleaned and orderly 
room is low. However, over time 

a room tends to become 
disorderly. Entropy has a 

tendency to increase. 

Applying Concepts 
Which has the 
greater entropy, an 

assembled jigsaw 

puzzle, or the pieces 
in the box? 
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Figure 18.24 Entropy is a measure of the disorder of a system. 

0 
M 

Increasing Entropy 
O For a given substance, the entropy of the 

gas is greater than the entropy of the liquid 

or the solid. Similarly, the entropy of the liq¬ 

uid is greater than that of the solid. Thus 

entropy increases in reactions in which solid 

reactants form liquid or gaseous products. 

Entropy also increases when liquid reac¬ 

tants form gaseous products. 

© Increasing Entropy ► © Entropy increases when a substance is 

divided into parts. For instance, entropy 

increases when a crystalline ionic com¬ 

pound, such as sodium chloride, dissolves in 

water. This is because the solute particles— 

sodium ions and chloride ions—are more 

separated in solution than they are in the 

crystal form. 

G Increasing Entropy 
1^ ► 

2H20(/) 

Electricity 
-> 

t 

Electricity 
-» 2H2(g) + 02(g) 

Q Entropy tends to increase in chemical 

reactions in which the total number of 

product molecules is greater than the total 

number of reactant molecules. 

Electrolysis of water 

0 Increasing Entropy ► 

• • 

© Entropy tends to increase when tempera¬ 

ture increases. As the temperature increases, 

the molecules move faster and faster, which 

increases the disorder. 
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Table 18.3^ 

How Changes in Enthalpy and Entropy Affect Reaction Spontaneity 

Enthalpy change Entropy Spontaneous reaction? 

Decreases (exothermic) Increases (more disorder in 
products than in reactants) 

Yes 

Increases (endothermic) Increases Only if unfavorable enthalpy change is offset 
by favorable entropy change 

Decreases (exothermic) Decreases (less disorder in 
products than in reactants) 

Only if unfavorable entropy change is offset by 
favorable enthalpy change 

Increases (endothermic) Decreases No 

Enthalpy, Entropy, and Free Energy 
In every chemical reaction, heat is either released or absorbed and 

entropy or randomness either increases or decreases. How do these two 

energy factors determine the course of a reaction? The size and direc¬ 

tion of enthalpy changes and entropy changes together determine whether a 

reaction is spontaneous; that is, whether it favors products and releases free 

energy. An exothermic reaction accompanied by an increase in entropy is 

definitely spontaneous because both factors are favorable. The combus¬ 

tion of carbon, for example, is exothermic. Entropy also increases as solid 

carbon is converted to gaseous carbon dioxide. Because both factors are 

favorable, the reaction must be spontaneous. The reverse reaction—pro¬ 

duction of carbon and oxygen from carbon dioxide—is nonspontaneous; 

neither the enthalpy nor the entropy change is favorable. 

A reaction is also spontaneous if a decrease in entropy is offset by a 

large release of heat. Similarly, an endothermic, or heat-absorbing, reac¬ 

tion is spontaneous if an entropy increase offsets the heat absorption. For 

example, enthalpy change and entropy change work in opposition when 

ice melts. The melting of ice is endothermic, but the process is still sponta¬ 

neous above 0°C. At such temperatures, the absorption of heat is' more 

than offset by a favorable entropy change. 

Table 18.3 summarizes how entropy and enthalpy changes affect the 

spontaneity of chemical reactions. Notice that either of the two variables, 

but not both, can be unfavorable for a spontaneous process. 

Nonspontaneous reactions, those in which the products are not favored, 

can have enthalpy changes, entropy changes, or both working against them. 

For example, a reaction might be highly endothermic with a large decrease 

in entropy. In that case, both changes work against the formation of prod¬ 

ucts and the reaction is nonspontaneous. In another case, a reaction may be 

exothermic but involve a decrease in entropy large enough to offset the 

favorable enthalpy change. This reaction wall also be nonspontaneous. Alter¬ 

natively, an endothermic reaction could have an increase in entropy too 

small to overcome the unfavorable enthalpy change. Figure 18.25 on the fol¬ 

lowing page summarizes the relationship among enthalpy, entropy, and 

free-energy changes for spontaneous reactions. 

(^Checkpoint) What two energy factors determine the course of a reaction? 

9 

Simulation 25 Simulate 
how enthalpy and entropy 
changes combine to 
determine the spontaneity 
of a reaction. 

_with ChemASAP 
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work. The change in Gibbs free energy is related to the change in entropy 

(AS) and the change in enthalpy (AH) of the system by the free-energy 

equation. 

AG = AH - TAS 

The temperature (T)is in kelvins. 
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All spontaneous processes release free energy. The numerical value 

of A G is negative in spontaneous processes because the system loses free 

energy. Nonspontaneous processes require that work be expended to make 

them go forward at the specified conditions. Therefore, the numerical 

value of AG is positive for a nonspontaneous process. However, a reac¬ 

tion that is nonspontaneous under one set of conditions may be sponta¬ 

neous under another set of conditions. 

To see the effect of temperature on the spontaneity of a reaction, con¬ 

sider this chemical reaction. Solid calcium carbonate decomposes to give 

calcium oxide and carbon dioxide. 

• V • SB 
CaC03 _ CaO C02 

(formula unit) (formula unit) (molecule) 

Decomposition reaction 

In this reaction, the entropy increases because one of the products formed 

from the solid reactant is a gas. However, the reaction is endothermic and 

the entropy increase is not great enough to offset the unfavorable enthalpy 

change. Thus the reaction is nonspontaneous at ordinary temperatures. The 

effect of an entropy increase, however, is magnified as the temperature 

increases. At temperatures above 850°C, the favorable entropy-temperature 

term TAS in the equation AG = AH-TAS outweighs the unfavorable 

enthalpy term AH. Under these conditions, the decomposition of calcium 

carbonate becomes spontaneous. Calcium oxide obtained from this spon¬ 

taneous reaction is used to neutralize acid soil, as shown in Figure 18.26. 

lraJjmgSoir 

W&QHT (2.. 

Figure 18.26 Soil that becomes 
too acidic for proper plant 

growth can be neutralized by the 
addition of lime, which is the 

common name for calcium oxide 

(CaO). 

18.4 Section Assessment 

29. Key Concept What are two characteristics of 

spontaneous reactions? 

30. Key Concept What part does entropy play in 

determining whether a chemical reaction is spon¬ 

taneous or nonspontaneous? 

31. Key Concept What two factors determine the 

spontaneity of a reaction? 

32. Key Concept What is the sign (+ or -) of 

the Gibbs free-energy change in a spontaneous 

process? 

33. Where does released free energy typically end up? 

Does free energy lost as heat ever serve a useful 

function? Explain. 

34. Suppose the products in a spontaneous process 

are more ordered than the reactants. Is the 

entropy change favorable or unfavorable? 

35. Explain why, under certain circumstances, a non¬ 

spontaneous reaction becomes spontaneous? 

M iniTffflWfr1.... 
Explosives Among this class of compounds are the 
reactants in rapid, violent reactions. Read about 

some common explosives on page R26 of the Ele¬ 
ments Handbook. Choose a reaction and explain 

why it fits the definition of a spontaneous reaction. 

Textbook 

Assessment 18.4 Test yourself 
on the concepts in Section 18.4. 

_with ChemASAP 
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Enthalpy and Entropy 

Purpose 
To observe and measure energy changes during 

the formation of a solution and to describe and 

explain these changes in terms of entropy and 

enthalpy. 

Materials 
• alcohol thermometer • crushed ice 

• four 1-oz plastic cups • water 

• plastic spoon • stirring rod 

• solid chemicals shown in the table 

Procedure B El B 
Place two level spoonfuls of water in a plastic cup and 

measure the temperature (7,) of the water. Add one level 

spoonful of solid NaCI to the cup, stir gently, and measure 

the highest or lowest temperature (72). Record this infor¬ 

mation on a separate sheet of paper in a table similar to 

the one below. Repeat the experiment two more times, 

using NH4CI and CaCI2. Record the temperatures. 

Mixture 7, t2 AT 

a. NaCI(s) + H20(/) 

b. NH4CI(s) + H20(/) 

c. CaCI2(s) + H20(/) 

Analyze 
Using your experimental data, record the answers to the 

following questions in or below your data table. 

1. Calculate AT for each mixture. AT = T2- 7, 

2. An exothermic process releases heat. An endothermic 

process absorbs heat.Which solutions are endothermic 

and which are exothermic? What is the sign of AH in 

each case? 

3. Which solution(s) had little or no change in 

temperature? 

4. When sodium chloride dissolves in water, the ions 

dissociate. 

NaCI(s)-► Na+(aq) + Cl~(aq) 

Write ionic equations, similar to the one above, that 

describe how NH4CI and CaCI2 each dissociate as they 

dissolve in water. Include heat as a reactant or product 

in each equation. 

5. Which solids in this experiment rapidly dissolved in 

water? Does the dissolving process usually occur with 

an increase or decrease in entropy? What is the sign 

of AS in each case? 

6. Consider the equation AG = AH - TAS. For each dis¬ 

solving process, substitute the sign of AS and AH into 

the equation and determine the sign of AG. For which 

process might AG be either positive or negative? 

You're The Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Analyze It! Mix a tablespoon of crushed ice with 

a tablespoon of solid NaCI. Stir gently, then measure 

and record the lowest temperature reached. Compare 

this mixture with the mixture of solid NaCI and liquid 

water. What is the difference in temperature? 

2. Analyze It! Is the process of melting ice exothermic 

or endothermic? Does this explain the difference in 

temperature in Activity 1? Explain. 

3. Design It! What effect does mixing other salts with 

crushed ice have on temperature? Try substituting 

different salts in Activity 1. 

4. Design It! What effect does dissolving other salts in 

liquid water have on temperature? Try dissolving 

the following salts in liquid water: potassium chloride 

(KCI), sodium hydrogen carbonate (NaHC03),and 

sodium phosphate (Na3P04). 
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18.5 The Progress of Chemical Reactions 

Connecting to Your World T, T , c 
^ The Tour de France is one 

of the most famous bicycle races in the world. It is held from mid-July 

to early August. During the course of the race, cyclists travel almost 

4000 kilometers and cross steep mountains at 

heights of 1600 meters or more.To cross 

these high mountains requires extra 

amounts of energy. A chemical reac¬ 

tion can be thought of as a process 

involving peaks and valleys also. In 

this section, you will learn about the 

energy requirements for a chemical 

reaction to progress from initial reac¬ 

tants to final products. 

Rate Laws 
The rate of a reaction depends in part on the concentrations of the reac¬ 

tants. For a reaction in which reactant A forms product B in one step, you 

can write a simple equation. 

A->B 

The rate at which A forms B can be expressed as the change in A (AA) with 

time, where concentration is the initial concentration of A at time t1 and 

concentration A2 is the concentration of A at a later time, t2. 

Guide for Reading 

Key Concepts 
• What is the general relationship 

between the value of the 

specific rate constant,k, and the 

speed of a chemical reaction? 

• What do the hills and valleys in 

a reaction progress curve 

represent? 

Vocabulary 
rate law 

specific rate constant 

first-order reaction 

elementary reaction 

reaction mechanism 

intermediate 

Reading Strategy 
Monitoring Your 

Understanding After you read 

the section, identify what you 

don't yet understand. Reread the 

section or ask for help, then write 

your clarified understanding. 

Rate = - 
AA 
At 

concentration A2 - concentration At 
?2 — ?j 

Because A, the reactant, is decreasing, the concentration of A is smaller at a 

later time than initially and so AA will always be negative. The negative sign 

in the expression is needed to make the rate positive, as all rates must be. 

The rate of disappearance of A is proportional to the concentration of A. 

“At K M 
The proportionality becomes an equation with the insertion of a constant {k). 

Rate ft = kx [A] 

This equation, called a rate law, is an expression for the rate of a reaction in 

terms of the concentration of reactants. The specific rate constant (k) for a 

reaction is a proportionality constant relating the concentrations of reac¬ 

tants to the rate of the reaction. The magnitude of the specific rate constant 

depends on the conditions of the reaction and is determined experimen¬ 

tally. The value of the specific rate constant, k, is large if the products 

form quickly; the value is small if the products form slowly. 

Textbook 

Animation 24 Observe 

the characteristics of a first- 

order reaction. 

_with ChemASAP 
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Figure 18.27 The graph shows 
how the concentration of a 

reactant changes as a reaction 

proceeds. 

WTERPRETENG GRAPHS 

a. Navigate What is the 

dependent variable? 
b. Read What happens to the 
relative concentration of 

reactant A as time progresses? 

c. interpret The short 
colored lines illustrate the 

reaction rates at two distinct 

points of time. Is the initial rate 
or the subsequent rate faster? 

< 10 

■- 2 

The Rate of a First-Order Reaction 

1 2 3 4 5 6 7 8 9 10 11 12 

Relative time 

The rate of blooming for the 

century plant (Agave americana) 
is one time per 10 to 15 years. 

The order of a reaction is the power to which the concentration of a 

reactant must be raised to give the experimentally observed relationship 

between concentration and rate. In a first-order reaction, the reaction 

rate is directly proportional to the concentration of only one reactant. 

The conversion of A to B in a one-step reaction is an example of a first- 

order reaction; the reaction rate is proportional to the concentration of A 

raised to the first power: [A]1 = [A], As a first-order reaction progresses, 

the rate of reaction decreases, as shown in Figure 18.27. This decrease 

occurs because the concentration of reactant is decreasing. On a graph, 

the rate (AA/Af) at any point equals the slope of the tangent to the curve 

at that point. For a first-order reaction, a reduction of [A] by one-half 

reduces the reaction rate by one-half. 

In some kinds of reactions, such as double-replacement, two sub¬ 

stances react to give products. The coefficients in the general equation 

for such a reaction are represented by lowercase letters. 

ah + bB-> cC + dD 

For a one-step reaction of A with B, the rate of reaction is d ependent on 

the concentrations of both A and B. 

Rate = fc[A]a[B]6 

When each of the exponents a and b in the rate law equals 1, the reaction 

is said to be first-order in A, first-order in B, and second-order overall. 

The overall order of a reaction is the sum of the exponents for the 

individual reactants. 

For any one-step reaction, the experimentally determined exponents 

in the rate law are the same as the coefficients a and b in the chemical 

equation. However, the exponents in the rate law and the coefficients in 

the equation do not correspond in most real reactions because most reac¬ 

tions are more complex than the one-step reactions used in the examples. 

The actual order of a reaction must be determined by experiment. 

(^Checkpoint) How can you determine the rate of a reaction from a graph 

of reactant concentration versus time? 



CONCEPTUAL PROBLEM 18.2 

Finding the Order of a Reaction from Experimental Data 

The rate law for the one-step reaction aA-> B is of the form: 

Rate = k[A]a. From the data in the following table, find the order of the 

reaction with respect to A and the overall order of the reaction. 

Initial concentration of A 
(mol/L) 

Initial rate 
(mol/L-s) 

0.050 3.0 X 10~4 

0.10 12 X 10“4 

0.20 48 X 10“4 

Analyze Identify the relevant concepts. 

The initial concentration, the initial rate data, 

and the form of the rate law are given. This is a 

one-step reaction. Use these data to find the 

desired orders by inspection. 

Solve Apply concepts to this situation. 

If a reaction is first-order in A, then a = 1 in the 

rate equation. In that case, the initial rate is 

directly proportional to the initial [A], However, 

the reaction cannot be first-order in A because a 

doubling of A causes the rate to increase by four 

times. This suggests that a = 2, because 22 = 4. 

Increasing [A] fourfold should, therefore, 

increase the rate sixteenfold (42 = 16). When the 

initial concentration of A is increased from 

0.050 mol/L to 0.20 mol/L, the initial rate 

increases from 3.0 x 10~4 mol/L-s to 

48 x 10-4 mol/L-s, which is a sixteenfold 

increase. The reaction is thus second-order in A 

and the reaction must be second-order overall 

because A is the only reactant. 

Practice Problems 

36. Show that the unit of k for a first-order reaction 

is a reciprocal unit of time, such as a reciprocal 

second (s '). 

37. Suppose a first-order reaction initially proceeds 

at a rate of 0.5 mol/L-s. What is the rate when 

half the starting material remains? When one- 

fourth of the starting material remains? 

S0W< 
Textbook 

Problem Solving 18.36 Solve 
Problem 36 with the help of an 
interactive guided tutorial. 

>___with ChemASAP 
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Graphing 

Relationships between vari¬ 
ables are easier to see when 

data is displayed in a graph. 
The independent variable is 

plotted on the x-axis (horizon¬ 
tal axis).The dependent vari¬ 

able is plotted on the y-axis 

(vertical axis). 
A graph may show a trend. 

For example, as the value of 
the independent variable 

increases, the value of the 
dependent variable may 

either increase or decrease. 
A straight-line graph with a 

positive slope indicates a 
direct proportion between 

the variables. A smooth curve 

dropping from left to right 

shows that two variables are 
inversely proportional. 

Reaction Mechanisms 
If enough information were available, you could graph all the energy 

changes that occur as reactants are converted to products in a chemical 

reaction. Such a graph would constitute a reaction progress curve. The sim¬ 

plest reaction progress curve is for an elementary reaction, such as the one 

shown in Figure 18.5. An elementary reaction is a reaction in which reac¬ 

tants are converted to products in a single step. Such a reaction has only one 

activation-energy peak between reactants and products and thus only one 

activated complex. Most chemical reactions consist of a number of elemen¬ 

tary reactions. The series of elementary reactions or steps that take place 

during the course of a complex reaction is called a reaction mechanism. The 

reaction progress curve for a complex reaction resembles a series of peaks 

and valleys, as you can see in Figure 18.28. The peaks correspond to the 

energies of the activated complexes. Each valley corresponds to the energy of 

an intermediate. An intermediate is a product of one of the steps in the 

reaction mechanism. It becomes a reactant in the next step. Intermediates 

have a significant lifetime compared with an activated complex. They have 

real ionic or molecular structures and some stability. They are reactive 

enough, however, to take part in the next step of the reaction mechanism. 

Intermediates do not appear in the overall chemical equation for a 

reaction. The reaction mechanism for the decomposition of nitrous oxide 

(N20), for example, is believed to occur in two elementary steps: 

__ Handbook 

For help with making and 
interpreting graphs, go to 
page R74. 

N20(g) -> N 2(g) + 0(g) 

N20(g) + 0(g) -> N2(g) + 02(g) 

2N20(g) -> 2N2(g) + 02(g) 

Notice that in the first elementary step, oxygen atoms are formed. These 

are an intermediate product in this step of the mechanism. They are a reac¬ 

tant in the second step, and they disappear when the two elementary reac¬ 

tions are summed to give the final chemical equation. This illustrates an 

important general point: The overall chemical equation for a complex reac¬ 

tion gives no information about the reaction mechanism. Reaction mecha¬ 

nisms must be determined experimentally. 

Figure 18.28 A reaction 

progress curve shows an 
activation-energy peak for each 

elementary reaction. Valleys 

indicate the formation of 

intermediates. 

INTERPRETING GRAPHS 

a. Navigate Flow many 

elementary reactions are part 
of this reaction? 

b. Read Flow many 

intermediates are formed? 

c. Interpret Flow would a 

catalyst affect the energy of the 
reactants and the energy of the 

products of this reaction? 

Energy Changes for a Multi-Step Reaction 

J 
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Professor of Chemistry 
If you study chemistry in college, 

your teacher probably will be a 

Professor of Chemistry. Chemistry 

professors train the next genera¬ 

tion of chemists. In addition to 

their classroom teaching, they 

often undertake fundamental 

research projects to learn more 

about the how and why of chemi¬ 

cal interactions. 

For example, a professor who 

is interested in reaction rates 

could study a particular reaction 

and determine its rate and reac¬ 

tion mechanism. Both graduate 

and undergraduate students gain 

valuable experience by assisting 

the professor in carrying out the 

work in the laboratory. Together, 

professor and students publish 

the results of their 

research in scientific 

journals. Much of 

the basic research 

reported in journals is 

done in university 

laboratories. 

Many chemistry 

professors specialize 

in one kind of chem¬ 

istry, for example, 

inorganic chemistry, 

organic chemistry, 

biochemistry, or 

analytical chemistry. As experts 

in their particular field, they 

may share what they know by 

writing books. 

A new member of the Chemis¬ 

try faculty might start at the level 

of Instructor. The usual steps 

in advancement are Assistant 

Professor, Associate Professor, 

and then Professor. The mini¬ 

mum qualification for Instructor 

is usually a PhD in chemistry. 

Often candidates for a position 

also have completed a number of 

years of post-doctoral research at 

a university. 

C Go inline 
-PHSchool.com 

For: Careers in Chemistry 
Visit: PHSchool.com 
Web Code: cdb-1185 

18.5 Section Assessment 

38. Key Concept How does the size of the specific 

rate constant {k) for a reaction relate to the speed 

of the reaction? 

39. Key Concept What do the hills and valleys in 

a reaction progress curve represent? 

40. Define each of the following terms as applied to 

chemical reactions. 
a. elementary reaction b. intermediate 

c. reaction mechanism d. activation energy 

41. Show that the unit of k for a reaction that is 

second-order in A and second-order overall can 

be expressed in LI (mol-s). 

42. The rate law for this reaction is first-order in NO 

and 03, and second-order overall. 

NO(g) + 03(g)-> N02(g) + 02(g) 

Write the complete rate law for this reaction. 

Writing Activity 

Write a Report Because of its potential impact on 
human health and agriculture, ozone depletion in 

the stratosphere is an area of continuing scientific 

interest and study. Research and write a report on 

the reaction mechanisms for the depletion of ozone 
in the stratosphere caused by the presence of CFCs. 

Textbook 

Assessment 18.5 Test yourself 
on the concepts in Section 18.5. 

>_with ChemASAP 
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CHAPTER 

18 Study Guide 

Key Concepts 

18.1 Rates of Reaction 

• The rate of a chemical reaction is usually 
expressed as the change in the amount of a 
reactant per unit time. 

• Factors that influence the rate of a chemical 
reaction are temperature, concentration, 
particle size, and the use of a catalyst. 

18.2 Reversible Reactions and Equilibrium 

• Chemical equilibrium is a state in which the 
forward and reverse reactions take place at 
the same rate. At chemical equilibrium, no 
net change occurs in the system. 

• Stresses that can alter the equilibrium posi¬ 
tion of a reaction are changes in the concen¬ 
trations of reactants or products, changes in 
temperature, and changes in pressure. 

• A .Kgq value greater than 1 means that prod¬ 
ucts are favored over reactants; a f<Qq less 
than 1 means that reactants are favored over 
products. 

18.3 Solubility Equilibrium 

• The smaller the numerical value of the solu¬ 
bility product constant, the lower the solu¬ 
bility of the compound. 

• A precipitate will form if the product of the 
concentrations of two ions in a mixture is 
greater than the K,p of the compound formed 
from the ions. 

(^ 18.4 Entropy and Free Energy 

• Spontaneous reactions produce substantial 
amounts of product and release free energy. 

• An increase in entropy favors the spontane¬ 
ous reaction; a decrease favors the nonspon- 
taneous reaction. 

• The size and direction of enthalpy changes 
and entropy changes together determine 
whether a reaction is spontaneous. 

• The numerical value of AG is negative in 
spontaneous processes because the system 
loses free energy. 

<T^ 18.5 The Progress of Chemical Reactions 

• The value of the specific rate constant, k, in 
the rate equation is large if products form 
quickly from reactants. 

• Graphs of the progress of a reaction show 
peaks that correspond to the energies of 
activated complexes and valleys that corre¬ 
spond to the energies of intermediates and 
products. 

Vocabulary 

activated complex (p. 544) 

activation energy (p. 543) 

chemical equilibrium (p. 550) 

collision theory (p. 542) 

common ion (p. 563) 

common ion effect (p. 563) 

elementary reaction (p. 578) 

entropy (p. 569) 

equilbrium constant (p. 556) 

equilibrium position (p. 551) 

first-order reaction (p. 576) 

free energy (p. 566) 

Gibbs free-energy change 
(p.572) 

inhibitor (p. 547) 

intermediate (p. 578) 

law of disorder (p. 569) 

Le Chatelier’s principle (p. 552) 

nonspontaneous reaction 
(p. 567) 

rate (p. 542) 

rate law (p. 575) 

reaction mechanism (p. 578) 

reversible reaction (p. 549) 

solubility product constant 
(p. 561) 

specific rate constant (p. 575) 

spontaneous reaction (p. 567) 

transition state (p. 544) 

Key Equations 

. K .. [C]c X [D]d 

e<i [A]a X [B]b 
AG = AH- TAS • rate = k[AHB]& 
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CHAPTER 

18 Assessment 

Reviewing Content 

18.1 Rates of Reaction 

43. Explain the collision theory of reactions. 

44. How is the activation energy of a reaction like a 

wall or barrier? 

45. How is the rate of a reaction influenced by a 

catalyst? How do catalysts make this possible? 

46. Which of these statements is true? 

a. Chemical reactions can be slowed down by 

increasing the temperature. 

b. Once a chemical reaction gets started, the 

reacting particles no longer have to collide 

for products to form. 

c. Enzymes are biological catalysts. 

47. When the gas to a stove is turned on, the gas does 

not burn unless lit by a flame. Once lit, however, 

the gas burns until turned off. Explain these 

observations in terms of the effect of tempera¬ 

ture on reaction rate. 

18.2 Reversible Reactions and Equilibrium 

48. In your own words, define a reversible reaction. 

49. How do the rates of the forward and reverse 

reactions compare at a state of dynamic chemi¬ 

cal equilibrium? 

50. What is Le Chatelier’s principle? Use it to explain 

why carbonated drinks go flat when their con¬ 

tainers are left open. 

51. Write the expression for the equilibrium con¬ 

stant for each reaction. 

a. 4H2(g) + CS2(g) ^ CH4(g) + 2H2S(g) 

b. PCl5(g)^PCl3(g) + Cl2(g) 

52. Comment on the favorability of product forma¬ 

tion in each reaction. 

a. H2(g) + F2(g) ^2HF(g) ^q=lX 1013 

b. S02(g) + N02(g) 
NO(g) + S03(g) Eeq=lX 102 

c. 2H20(g) 2Hz(g) + 02(g) Keq = 6 X 10“28 

18.3 Solubility Equilibrium 

53. Write the solubility product expression for 

each salt. 

a. NiS b. BaC03 

54. What does the solubility product constant (/Qp) 

represent? 

55. Use Table 18.2 to rank these salts from most 

soluble to least soluble. 

a. CuS b. BaS04 c. SrC03 d. Agl 

56. How does the addition of a common ion affect 

the solubility of another substance? 

18.4 Entropy and Free Energy 

57. How does the free energy of a reaction help pre¬ 

dict whether the reaction will be spontaneous? 

58. What is the meaning of entropy? 

59. The products in a spontaneous process are more 

ordered than the reactants. Is this entropy 

change favorable or unfavorable? 

60. Which system has the lower entropy? 

a. 50 ml of liquid water or 50 ml of ice 

b. 10 g of sodium chloride crystals or a solution 

containing 10 g of sodium chloride 

61. Predict the direction of the entropy change in 

each reaction. 

a. CaC03(s) ——> CaO(s) + C02(g) 

b. NH3(g) + HCl(g)->NH4C1(s) 

62. Is it true that all spontaneous processes are 

exothermic? Explain your answer. 

63. At normal atmospheric pressure, steam con¬ 

denses to liquid water even though this is an 

unfavorable entropy change. Explain. 

64. What two factors together determine whether a 

reaction is spontaneous? 

18.5 The Progress of Chemical Reactions 

65. What is meant by each term? 

a. specific rate constant 

b. first-order reaction 

c. rate law 

66. Half of the reactant in a first-order reaction dis¬ 

appears in 50 minutes. How many minutes are 

required for the reaction to be 75% complete? 

67. Sketch a reaction progress curve for the overall 

reaction with the following mechanism. 

2NO(g)-> N202(g) (fast) 

N202(g) + 02(g)-* 2N02(g) (slow) 

Write the balanced equation for the overall 

reaction. 
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Assessment continued 

Understanding Concepts 

68. Consider the decomposition of N205 in carbon 

tetrachloride (CC14) at 45°C. 

2NzO 5{soln)-> 4N02(g) + 02(g) 

The reaction is first order in N205, with the 

specific rate constant 6.08 X 10"4/s. Calculate 

the reaction rate at these conditions. 

a. [N205] = 0.200 mole/liter 

b. [N205] = 0.319 mole/liter 

69. Which of the following tells you that a reaction is 

spontaneous? 

a. The reaction is exothermic. 

b. Entropy is increased in the reaction. 

c. Free energy is released in the reaction. 

70. For the reaction A + B v-— C, the activation 

energy of the forward reaction is 5 kj and the 

total energy change is -20 kj. What is the activa¬ 

tion energy of the reverse reaction? 

71. A large box is divided into two compartments 

with a door between them. Equal quantities of 

two different monatomic gases are placed in 

the compartments, as shown in (a). The door 

between the compartments is opened and the 

gas particles start to mix, as in (b). Why would it 

be highly unlikely for the situation in (b) to 

progress to the situation shown in (c)? 

• • • 

• • • 
• • • 

© 

a. b. c. 

72. Would you expect the entropy to increase in 

each of the following reactions? Explain. 

a. C(s) + 02(g)-» C02(g) 

b. 2Al203(s)-> 4Al(s) + 302(g) 

c. 2N(g)-> N2(g) 

d. N2(g)-> 2N (g) 

73. What would be the effect on the equilibrium 

position if the volume is decreased in this 

reaction? 

4HCl(g) + 02(g) ^2Cl2(g) + 2H20(g) 

74. Write the equilibrium-constant expression for 

this reaction. 

2S02(g) + 02(g) ^=^2S03(g) 

75. A mixture at equilibrium at 827°C contains 

0.552 mol C02, 0.552 mol H2, 0.448 mol CO, and 

0.448 mol II20. The balanced equation is shown 

below. 

C02(g) + H2(g) ^ CO(g) + HzO(g) 

What is the value of 

76. The freezing of liquid water at 0°C can be repre¬ 

sented as follows. 

H20(/, d = 1.00 g/cm3) 

H20(5, d - 0.92 g/cm3) 

Explain why the application of pressure causes 

ice to melt. 

77. What must be true about the concentration of 

two ions if precipitation occurs when solutions 

of the two ions are mixed? 

78. What is the concentration of carbonate ions in a 

saturated solution of SrC03? K.p = 9.3 X 10 10 

79. Sketch a reaction progress curve for a reaction 

that has an activation energy of 22 kj, and the 

total energy change is -103 kj. 

80. Predict what will happen if a catalyst is added to 

a slow reversible reaction. What happens to the 

equilibrium position? 

81. The decomposition of hydrogen peroxide is cat¬ 

alyzed by iodide ions. The mechanism is thought 

to be as follows. 

H202{aq) + I~{aq)->H20(Z) + ICT(aq) (slow) 

IC)~{aq) + H202{aq)-> 

H20(Z) + 02(g) + V[aq) (fast) 

a. What is the reactive intermediate? 

b. Does I qualify as a catalyst? Explain. 

c. What is the minimum number of activated 

complexes needed to describe the reaction? 

d. Which of the two reactions has the smaller 

specific rate constant? 

e. Write the balanced equation for the reaction. 

82. What is the equilibrium concentration of barium 

ion in a 1.0-L saturated solution of barium car¬ 

bonate to which 0.25 mol K2C03 has been added? 
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Critical Thinking Concept Challenge 

83. Suppose equilibrium exists for the following 

reaction at 425 K. 

Fe304(s) + 4H2(g) ^=^3Fe(s) + 4H20(g) 

How would the equilibrium concentration of 

H20 be affected by these actions? 

a. adding more H2 to the mixture 

b. adding more Fe(s) 

c. removing H2(g) 

d. adding a catalyst 

84. An increase in temperature raises the energy of 

the collisions between reactant molecules. An 

increase in the concentration of reactants 

increases the number of collisions. What is the 

effect of a catalyst on the collisions between 

molecules? 

85. Make a list of five things you did today that 

resulted in an increase in entropy. 

86. Explain each of the following 

a. A campfire is “fanned” to help get it going. 

b. An explosion at a grain elevator is blamed 

on dust. 

c. A pinch of powdered manganese dioxide 

causes hydrogen peroxide to explode even 

though the manganese dioxide is not changed. 

87. Ammonium ions and nitrite ions react in water 

to form nitrogen gas. 

NO 2~{aq) + NH4+(a<7)-> N2(g) + 2H20(Z) 

From the following data, decide the order of the 

reaction with respect to NH4+ and N02", and the 

overall order of the reaction. 

Initial concentration Initial concentration Initial rate 
of N02“ (mol/L) of NH4+(mol/L) (mol/L-s) 

0.0100 0.200 5.4 X 10“7 

0.0200 0.200 10.8 X 10'7 

0.0400 0.200 21.5 X 10 7 

0.0600 0.200 32.3 X 10 7 

0.200 0.0202 10.8 X 10 7 

0.200 0.0404 21.6 X 10~7 

0.200 0.0606 32.4 X 10 7 

0.200 0.0808 43.3 X 10 7 

88. The following data were collected for the 

decomposition of compound AB into its 

elements. The reaction is first-order in AB. 

[AB] (mol/L) Times (s) 

0.300 0 

0.246 50 

0.201 100 

0.165 150 

0.135 200 

0.111 250 

0.090 300 

0.075 350 

a. Make a graph of concentration (y-axis) versus 

time (x-axis). 

b. Determine the rate of this reaction at 

t = 100 seconds and t = 250 seconds. 

89. When table sugar, or sucrose, is dissolved in an 

acidic solution, the sucrose slowly decomposes 

into two simpler sugars: fructose and glucose. 

Use the graph to answer these questions. 

Rate of Sucrose Decomposition 

a. How many grams of sucrose decompose in 

the first 30 minutes? 

b. How many grams of sucrose decompose in 

the 30-minute interval between 90 and 

120 minutes? 

c. In general, what happens to the rate of 

decomposition with time? 
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CHAPTER 

Assessment continued 

Cumulative Review 

90. Write electron configurations and draw elec¬ 

tron dot structures for the following elements. 

(Chapter 5) 

a. Ge b. Ca c. O 

d. Ar e. Cl f. P 

91. What is wrong with saying that solid potassium 

chloride is composed of KC1 molecules? 

(Chapter 7) 

92. Name each ion and identify it as an anion or a 

cation. {Chapter 9) 

a. F“ b. Cu2+ c. P3- d. H+ 

e. Na+ f. I- g. O2- h. Mg2+ 

93. Name the following compounds and give the 

charge on the anion for each. (Chapter 9) 

a. NaC104 b. KMn04 c. Ca3(P04)2 

d. MgC03 e. Na2S04 f. K2Cr207 

94. Which atoms from the following list would you 

expect to form positive ions, and which would 

you expect to form negative ions? (Chapter 9) 

a. Cl b. Ca c. P d. Se 

e. Cu f. Sn g. K h. Fe 

95. Find the mass in grams of each quantity. 

(Chapter 10) 

a. 4.50 mol Fe 

b. 36.8 L CO (at STP) 

c. 1 molecule of glucose, C6H1206 

d. 0.0642 mol ammonium phosphate 

96. Aqueous silver nitrate reacts with aqueous 

potassium iodide to form a precipitate of silver 

iodide. (Chapter 11) 

a. Write the complete ionic equation. 

b. What are the spectator ions? 

c. Write the net ionic equation. 

97. When heated, potassium chlorate decomposes 

into potassium chloride and oxygen gas. 

(Chapter 12) 

a. Write the balanced equation for this reaction. 

b. Flow many grams of oxygen are formed when 

4.88 g KC103 decompose? 

98. Give the names and abbreviations of three units 

of pressure. (Chapter 13) 

99. Is the boiling point of a liquid compound a 

constant? Explain. (Chapter 13) 

100. What happens to the pressure of a contained 

gas in each instance? (Chapter 14) 

a. more gas particles are added 

b. the temperature of the gas is decreased 

c. the volume of the container is reduced 

101. What volume will 24.5 g of carbon dioxide gas 

occupy at 55°C and a pressure of 88.8 kPa? 

(Chapter 14) 

102. Which of these should readily dissolve in water? 

(Chapter 15) 

a. KI(s) b. C2H6(g) 

c. NH4C1(s) d. Na3P04(s) 

103. Calculate the percent by mass of water in 

barium bromide tetrahydrate. (Chapter 15) 

104. The water solubility of which of these sub¬ 

stances would most likely decrease with an 

increase in temperature? (Chapter 16) 

а. NH4N03(s) b. NH3(g) 

c. KI(s) d. NaCl(s) 

105. How many moles of solute are in 2.40 L of 

0.66MKC1? (Chapter 16) 

106. How many liters of a stock solution of 

б. 00MHC1 would you need to prepare 15.0 L 

of 0.500MHC1? (Chapter 16) 

107. A small amount of ethanol (C2FI5OH) is dis¬ 

solved in a large beaker of water. (Chapter 16) 

a. Identify the solute and the solvent. 

b. Is the freezing point of the solution above or 

below 0°C? 

108. How much heat is evolved when 12.4 g of steam 

at 100°C condenses to water at 100°C? 

(Chapter 17) 

109. When solid sodium hydroxide is dissolved in 

water, the solution gets warm. Is this an exo¬ 

thermic or endothermic process? (Chapter 17) 

110. The equation for the complete combustion of 

ethene is the following. (Chapter 17) 

C2H4(g) + 302(g)-> 2C02(g) + 2H2Q(g) 

A H= -1411 kj 

How many kilojoules of heat are released when 

32.8 g of ethene are burned? 
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Standardized Test Prep 

Test-Taking Tip 

Multiple Parts Sometimes two phrases in a true/ 

false question are connected by a word such as 

because or therefore, or by a group of words like 

and so. These words imply a relationship between 

one part of the sentence and another. They usu¬ 

ally imply that one thing caused another thing to 

happen. Statements that include such words can 

be false even if both parts of the statement are 

true by themselves. 

Select the choice that best answers each question or 

completes each statement. 

1. Which reaction is represented by the following 

expression for an equilibrium constant? 

_ [CO]2 x [02] 

ec> [ccy2 

a. 2C02^=^02 + 2CO 

b. C022 02 + 2C02 

c. 02 + 2CO 2C02 

d. 02 + C02 \ — C022 

2. At 25°C, zinc sulfide has a Ksp of 3.0 x 10”23, 

zinc carbonate has a Ksp of 1.0 X 1CT10, and 

silver iodide has a i<Cn of 8.3 x 1CT17. Order these 

salts from most soluble to least soluble. 

a. zinc carbonate, zinc sulfide, silver iodide 

b. silver iodide, zinc carbonate, zinc sulfide 

c. zinc carbonate, silver iodide, zinc sulfide 

d. zinc sulfide, silver iodide, zinc carbonate 

Use the table to answer Questions 3 and 4. 

AS AH AG Spontaneous? 

+ - (a) Yes 

+ (b) + or - At high T 

(c) + + No 

- - (d) At low T 

3. The value of AG depends on the enthalpy (AH) 

and entropy (AS) terms for a reaction. The value of 

AG also varies as a function of temperature. Use 

the data in the table to identify the missing entries 

(a), (b), (c), and (d). 

4. Which of these reactions would you expect to be 

spontaneous at relatively low temperatures? At 

relatively high temperatures? 

a. H20(Z)-> H20(g) 

b. H20(g)->H20(l) 

c. H20(s)->H20(l) 

5. The atomic windows below represent different 

degrees of entropy. Arrange the windows in order 

of increasing entropy. 

For each question below there are two statements. Decide whether each statement is 

true or false. Then decide whether Statement II is a correct explanation for Statement I. 

Statement I 

6. A catalyst lowers the activation energy for a 

reaction. 

7. An exothermic reaction is always a spontaneous 

reaction. 

8. The entropy of ice is greater than the entropy of 

steam. 

9. The rate of a chemical reaction is affected by a 

change in temperature. 

10. A large value for an equilibrium constant indi¬ 

cates that products are favored at equilibrium. 

Statement II 

BECAUSE A catalyst makes a reaction more 

exothermic. 

BECAUSE Exothermic reactions release heat to the 

surroundings. 

BECAUSE The density of ice is greater than the 

density of steam. 

BECAUSE The kinetic energy of particles is related 

to the temperature. 

BECAUSE The ratio of products to reactants at 

equilibrium is always > 1. 
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Tomatoes contain 
ascorbic acid 
(vitamin C),an 
important nutrient 
and antioxidant. 

INQUIRY !| Activity 

Effect of Foods on Baking Soda 

Materials 

variety of fruits and vegetables (e.g., a celery stalk, 

a banana, a grape, a tomato, a lemon, an apple, an 

orange, a grapefruit), knife, paper towels, large paper 

plate, and baking soda (sodium hydrogen carbonate, 

NaHC03) 

Procedure spy 

1. Carefully cut the fruits and vegetables into small 

pieces and place them on the plate. Caution Never 

taste anything in the laboratory, including food 

products. Make sure the pieces are well separated 

from each other. Be sure to wipe any juice off the 

knife after cutting each fruit and vegetable. 

2. Sprinkle a pinch of baking soda on each sample. 

Think About It 

1. What do you observe? 

2. Which fruits and vegetables showed a reaction 

with the baking soda and which ones did not? 



19.1 Acid-Base Theories 

Connecting to Your World Bracken Cave near San Ant0. 

nio,Texas, is home to twenty to forty million bats, which is probably the 

largest colony of mammals in the world. Visitors to the cave must wear 

protective goggles and respirators to protect 

themselves from the dangerous levels of 

ammonia in the cave. Ammonia is a by¬ 
product of the bats' urine. In this section, 

you will learn why ammonia is considered 
a base. 

Properties of Acids and Bases 
Acids and bases play a central role in much of the chemistry that affects 

your daily life. Your body needs acids and bases to function properly. Vine¬ 

gar, carbonated drinks, and foods such as citrus fruits contain acids. The 

electrolyte in a car battery is an acid. Most manufacturing processes use 

acids or bases. Bases are present in many commercial products, including 

antacids and household cleaning agents. Figure 19.1 shows some of the 

many products that contain acids and bases. 

Acids Acids have several distinctive properties with which you are proba¬ 

bly familiar. Acidic compounds give foods a tart or sour taste. For example, 

vinegar imparts a tart taste to salad dressing. Vinegar contains ethanoic 

acid, sometimes called acetic acid. Lemons, which taste sour enough to 

make your mouth pucker, contain citric acid. 

Aqueous solutions of acids are electrolytes. Recall from Chapter 15 that 

electrolytes conduct electricity. Some acid solutions are strong electrolytes, 

and others are weak electrolytes. Acids cause certain chemical dyes, called 

indicators, to change color. Many metals, such as zinc and magnesium, 

react with aqueous solutions of acids to produce hydrogen gas. Acids react 

with compounds containing hydroxide ions to form water and a salt. 

Acids taste sour, will change the color of an acid-base indicator, and can 

be strong or weak electrolytes in aqueous solution. 

Guide for Reading 

Key Concepts 

• What are the properties of acids 
and bases? 

• How did Arrhenius define an 
acid and a base? 

• What distinguishes an acid 
from a base in the Bronsted- 
Lowry theory? 

• How did Lewis define an acid 
and a base? 

Vocabulary 
monoprotic acids 
diprotic acids 

triprotic acids 

conjugate acid 

conjugate base 

conjugate acid-base pair 
hydronium ion (H30+) 

amphoteric 

Lewis acid 
Lewis base 

Reading Strategy 
Building Vocabulary As you 
read the section, write a definition 
for each vocabulary term. Include 
an example with a formula for 
each term. 

Figure 19.1 Many items 

contain acids or bases, or 
produce acids and bases 

when dissolved in water. 

O Citrus fruit contain citric 
acid. © Tea contains tannic 

acid. © Antacids use bases to 
neutralize excess stomach acid. 

© The base calcium hydroxide 
is a component of mortar. 
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r Table 19.1 ^ 

Some Common Acids 

Name Formula 

Hydrochloric acid HCI 

Nitric acid hno3 

Sulfuric acid h2so4 

Phosphoric acid h3po4 

Ethanoic acid ch3cooh 

Carbonic acid h2co3 

Bases Bases have properties with which you are less familiar. Bases have a 

bitter taste, but tasting most bases is hazardous. Soap is a familiar material 

that has the properties of a base. If you have tasted soap, you know that it 

has a bitter taste. The slippery feel of soap is another property of bases. 

Like acids, aqueous solutions of bases are electrolytes and will cause an 

indicator to change color. Water and a salt are formed when a base that 

contains hydroxide ions reacts with an acid. With a few exceptions, none of 

the foods you eat are bases. Milk of magnesia (a suspension of magnesium 

hydroxide in water) is a base used to treat the problem of excess stomach 

acid. <T^ Bases taste bitter, feel slippery, will change the color of an acid-base 

indicator, and can be strong or weak electrolytes in aqueous solution. 

(^Checkpoint) Give an example of a base. 

Arrhenius Acids and Bases 
Although chemists had recognized the properties of acids and bases for 

many years, they were not able to propose a theory to explain this behavior. 

Then, in 1887, the Swedish chemist Svante Arrhenius (1859-1927) pro¬ 

posed a revolutionary way of defining and thinking about acids and bases. 

<T^ Arrhenius said that acids are hydrogen-containing compounds that ion¬ 

ize to yield hydrogen ions (H+) in aqueous solution. He also said that bases are 

compounds that ionize to yield hydroxide ions (OH) in aqueous solution. 

Arrhenius Acids Table 19.1 lists some common acids. Acids that contain 

one ionizable hydrogen, such as nitric acid (HN03), are called monoprotic 

acids. Acids that contain two ionizable hydrogens, such as sulfuric acid 

(H2S04), are called diprotic acids. Acids that contain three ionizable hydro¬ 

gens, such as phosphoric acid (H3P04), are called triprotic acids. Not all 

compounds that contain hydrogen are acids, however. Also, not all the 

hydrogens in an acid may be released as hydrogen ions. Only the hydrogens 

in very polar bonds are ionizable. In such bonds, hydrogen is joined to a 

very electronegative element. When a compound that contains such bonds 

dissolves in water, it releases hydrogen ions because the hydrogen ions are 

stabilized by solvation. An example is the hydrogen chloride molecule, 

shown in Figure 19.2. Hydrogen chloride is a polar covalent molecule. It 

ionizes to form an aqueous solution of hydronium ions and chloride ions. 

5+ 8- h q 

H—Cl(g) —H+{aq) + CT(aq) 

Hydrogen Hydrogen Chloride 
chloride ion ion 

(hydrochloric acid) 

Figure 19.2 Hydrochloric acid 
is actually an aqueous solution 

of hydrogen chloride. Hydrogen 
chloride forms hydronium ions, 

making this compound an acid. 

+ % 
HCI H20 

Hydrogen chloride Water 

Q> Ji 
h3o+ cr 

Hydronium ion Chloride ion 
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In contrast, the four hydrogens in methane (CH4) are attached by weakly 

polar C—H bonds. Methane has no ionizable hydrogens and is not an acid. 

Ethanoic (acetic) acid (CH3COOH), used in the manufacture of plastics, 

pharmaceuticals, and photographic chemicals, is different. Although this 

molecule contains four hydrogens, ethanoic acid is a monoprotic acid. The 

structural formula shows why. 

H O 

H—C—C—O—H 

H 

Ethanoic acid 

(CH3COOH) 

The three hydrogens attached to the carbon are in weakly polar bonds. They 

do not ionize. Only the hydrogen bonded to the highly electronegative oxygen 

can be ionized. As you gain more experience looking at written formulas for 

acids, you will be able to recognize which hydrogen atoms can be ionized. 

Arrhenius Bases Table 19.2 lists some common bases. The base with 

which you are perhaps most familiar is sodium hydroxide (NaOH). Sodium 

hydroxide is commonly known as lye. Sodium hydroxide is an ionic solid. It 

dissociates into sodium ions and hydroxide ions in aqueous solution. 

NaOH(s) Na+(aq) + OH~ (aq) 

Sodium Sodium Hydroxide 

hydroxide ion ion 

Because of its extremely caustic nature, sodium hydroxide is a major com¬ 

ponent of consumer products used to clean clogged drains. 

Potassium hydroxide (KOH) is another ionic solid that dissociates to 

form potassium ions and hydroxide ions in aqueous solution. 

KOH(s) Hz° > K +{aq) + OH~{aq) 

Potassium Potassium Hydroxide 

hydroxide ion ion 

Sodium and potassium are Group 1A elements. The elements in 

Group 1A, the alkali metals, react with water to produce solutions that are 

basic. Sodium metal reacts violently with water to form sodium hydroxide 

and hydrogen gas. The following equation illustrates the reaction of 

sodium metal with water. 

2Na(s) + 2H20(l) -> 2NaOH(ag) + H2(g) 

Sodium Water Sodium Hydrogen 

metal hydroxide 

rGo inline 
L->sci 

Links 

For: Links on Acids and 

Bases in the home 

Visit: www.SciLinks.org 

Web Code: cdn-1191 

Table 19.2^| 

Some Common Bases 

Name Formula Solubility in water 

Potassium hydroxide KOH High 

Sodium hydroxide NaOH High 

Calcium hydroxide Ca(OH)2 Very low 

Magnesium hydroxide Mg(OH)2 Very low 
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Figure 19.3 Milk of magnesia is 

a base used as an antacid. Bases 
are usually hazardous when 

taken internally, but the low 
solubility of milk of magnesia 

makes it safe to use. 

Figure 19.4 Sodium carbonate 
decahydrate (Na2CO3-10H2O) is 
used as a laundry aid. Its 

common name is washing soda. 

Sodium hydroxide and potassium hydroxide are very soluble in water. 

Concentrated solutions of these compounds can be readily prepared. Such 

solutions, like other basic solutions, would have a bitter taste and slippery 

feel. However, they are extremely caustic to the skin and can cause deep, 

painful, slow-healing wounds if not immediately washed off. 

Calcium hydroxide (Ca(OH)2) and magnesium hydroxide (Mg(OH)2) 

are compounds of Group 2A metals. These compounds are not very soluble 

in water. Their solutions are always very dilute, even when saturated. The 

concentration of hydroxide ions in such solutions is correspondingly low. A 

saturated solution of calcium hydroxide contains only 0.165 g Ca(OH)2 per 

100 g of water. Magnesium hydroxide is much less soluble than calcium 

hydroxide. A saturated solution contains only 0.0009 g Mg(OH)2 per 100 g 

of water. Suspensions of magnesium hydroxide in water contain low con¬ 

centrations of hydroxide ion. People take these suspensions internally 

as milk of magnesia, shown in Figure 19.3, which is an antacid and a mild 

laxative. 

Brensted-Lowry Adds and Bases 
The Arrhenius definition of acids and bases is not a very comprehensive 

one. It defines acids and bases rather narrowly and does not include certain 

substances that have acidic or basic properties. For example, aqueous solu¬ 

tions of sodium carbonate (Na2C03(a<7)) and ammonia (NH3(a<7)) are basic. 

Neither of these compounds is a hydroxide, however, and neither would be 

classified as a base under the Arrhenius definition. In 1923, the Danish 

chemist Johannes Bronsted (1879-1947) and the English chemist Thomas 

Lowry (1874-1936) independently proposed a new definition. The 

Bronsted-Lowry theory defines an acid as a hydrogen-ion donor, and a base as 

a hydrogen-ion acceptor. All the acids and bases included in the Arrhenius 

theory are also acids and bases according to the Bronsted-Lowry theory. 

Some compounds not included in the Arrhenius theory are classified as 

bases in the Bronsted-Lowry theory. 

Why Ammonia is a Base The behavior of ammonia as a base can be 

understood by using the Bronsted-Lowry theory. Ammonia gas is very solu¬ 

ble in water. When ammonia dissolves in water, it acts as a base because it 

accepts a hydrogen ion from water. 

NH3(a<7) 

Ammonia 

(hydrogen-ion 

acceptor, Bronsted- 

Lowry base) 

+ H20(Z) =? 

Water 

(hydrogen-ion 

donor, Bronsted- 

Lowry acid) 

NH4+(ag) + OU~(aq) 

Ammonium Hydroxide ion 

ion (makes the 

solution basic) 

In this reaction, ammonia is the hydrogen-ion acceptor and therefore 

is a Bronsted-Lowry base. Water, the hydrogen-ion donor, is a Bronsted- 

Lowry acid. Hydrogen ions are transferred from water to ammonia, as is 

shown in Ligure 19.5. This causes the hydroxide-ion concentration to be 

greater than it is in pure water. As a result, solutions of ammonia are basic. 

(^Checkpoint) Why is ammonia considered to be a Bronsted-Lowry base? 
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& % 
nh3 h2o 

Ammonia Water 
NH4 OH' 

Ammonium ion Hydroxide ion 

Figure 19.5 Ammonia dissolves 

in water to form ammonium 

ions and hydroxide ions. In this 
reaction, the water molecule 

donates a hydrogen ion to the 

ammonia molecule. 

Explaining Why is ammonia 

not classified as an Arrhenius 
base? 

Conjugate Acids and Bases Because all gases become less soluble in 

water as temperature increases, increasing the temperature of an aqueous 

solution of ammonia releases ammonia gas. As ammonia gas leaves the 

solution, the equilibrium in the equation shifts to the left. The ammonium 

ion (NH4+) reacts with OH- to form NH3 and H20. When the reaction goes 

from right to left, NH4+ gives up a hydrogen ion; it acts as a Bronsted-Lowry 

acid. The hydroxide ion accepts an H+; it acts as a Bronsted-Lowry base. 

Overall, then, this equilibrium has two acids and two bases. 

NH3(at?) + H20(Z) ^ NH +{aq) + OH~{aq) 

Base Acid Conjugate Conjugate 

acid base 

When ammonia dissolves and then reacts with water, NH4+ is the con¬ 

jugate acid of the base NH3. A conjugate acid is the particle formed when a 

base gains a hydrogen ion. Similarly, OH- is the conjugate base of the acid 

water. A conjugate base is the particle that remains when an acid has 

donated a hydrogen ion. Conjugate acids and bases are always paired with 

a base or an acid, respectively. A conjugate acid-base pair consists of two 

substances related by the loss or gain of a single hydrogen ion. The ammo¬ 

nia molecule and ammonium ion are a conjugate acid-base pair. The water 

molecule and hydroxide ion are also a conjugate acid-base pair. 

NH3(a<7) + H20 (l) s > NHA+{aq) + OH“(ag) 

Base Acid Conjugate Conjugate 

acid base 

The Bronsted-Lowry theory also applies to acids. Consider the dissoci¬ 

ation of hydrogen chloride in water. 

HCl(g) + HzO(Z) H30+(aq) + C\~(aq) 

Acid Base Conjugate Conjugate 
acid base 

In this reaction, hydrogen chloride is the hydrogen-ion donor. Thus it is a 

Bronsted-Lowry acid. Water is the hydrogen-ion acceptor and therefore 

water is a Bronsted-Lowry base. A water molecule that gains a hydrogen ion 

becomes a positively charged hydronium ion (H30+). The chloride ion is the 

conjugate base of the acid HC1. The hydronium ion is the conjugate acid of 

the base water. 

Table 19.3 

Several Conjugate 
Acid-Base Pairs 

Acid Base 

HCI Cl 

H2S04 HS04- 

h3o+ h2o 

hso4 S042' 

CH3COOH CH3COO 

h2co3 hco3 

HC(V co32- 

nh4+ nh3 

h2o oh- 
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Figure 19.6 When sulfuric acid 

dissolves in water, it forms 
hydronium ions and hydrogen 

sulfate ions. Identify Which 
ion is the conjugate acid and 
which is the conjugate base? 

Word Origins 
Amphoteric comes from 

the Greek word ampho- 

teros, meaning "partly one 

and partly the other." 

An amphoteric substance 

can act as both an acid and 

a base. What makes an 

amphibious airplane dif¬ 

ferent from other air¬ 

planes? 

& 

Animation 25 Compare the 
three important definitions of 
acids and bases. 

•—-—with ChemASAP 

h2so4 h2o h3o+ hscv 
Sulfuric acid Water Hydronium ion Hydrogen sulfate ion 

Figure 19.6 shows the reaction that occurs when sulfuric acid dissolves 

in water. The solution formed consists of hydronium ions and hydrogen 

sulfate ions. 

Sometimes water accepts a hydrogen ion. At other times, it donates a 

hydrogen ion. A substance that can act as both an acid and a base is said to 

be amphoteric. Water is amphoteric. In the reaction with HC1, water 

accepts a proton and is therefore a base. 

Lewis Acids and Bases 
A third theory of acids and bases was proposed by Gilbert Lewis (1875—1946). 

Lewis proposed that an acid accepts a pair of electrons during a reac¬ 

tion, while a base donates a pair of electrons. This concept is more general 

than either tire Arrhenius theory or the Bronsted-Lowry theory. A Lewis acid is a 

substance that can accept a pair of electrons to form a covalent bond. A Lewis 

base is a substance that can donate a pair of electrons to form a covalent bond. 

A hydrogen ion (Bronsted-Lowry acid) can accept a pair of electrons in formin g 

a bond. A hydrogen ion, therefore, is also a Lewis acid. A Bronsted-Lowry base, 

or a substance that accepts a hydrogen ion, must have a pair of electrons avail¬ 

able and, therefore, is also a Lewis base. Consider the reaction of H+ and OH-. 

IL + O - II -> ‘O' 

Lewis Lewis H H 
acid base 

In this reaction, a hydroxide ion is a Lewis base. It is also a Bronsted-Lowry 

base. The hydrogen ion is both a Lewis acid and a Bronsted-Lowry 

acid. The Lewis definition also includes some compounds not classified as 

Bronsted-Lowry acids or bases. 

Ammonia dissolved in water is another example of a Lewis acid and 

Lewis base. In this reaction, the hydrogen ion from the dissociation of 

water is an electron-pair acceptor and is a Lewis acid. Ammonia is an elec¬ 

tron-pair donor and is a Lewis base. 

Table 19.4 

Acid-Base Definitions 

Type Acid Base 

Arrhenius H+ producer OH- producer 

Brpnsted-Lowry H+ donor H+ acceptor 

Lewis electron-pair acceptor electron-pair donor 

(^Checkpoint) What is a Lewis acid and a Lewis base? 
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CONCEPTUAL PROBLEM 19.1 

Identifying Lewis Acids and Bases 

Ammonia is widely used in fertilizers, plastics, and explosives. 

Identify the Lewis acid and the Lewis base in this reaction 

involving ammonia. 

H F 
I . >. I 

H—N: + B-F 
I I 

H F 

H F 
I I 

H-N-B-F 
I I 

H F 

Analyze Identify the relevant concepts. 

The Lewis acid-Lewis base definitions, 

which are to be used in solving the problem, 

are based on the acceptance and donation of 

a pair of electrons. 

Solve Apply concepts to this situation. 

Ammonia is donating a pair of electrons. 

Boron trifluoride is accepting a pair of elec 

trons. Lewis bases donate electrons, so 

ammonia is acting as a Lewis base. Lewis 

acids accept a pair of electrons, so boron 

trifluoride is acting as a Lewis acid. 

Practice Problems 

1. Identify the Lewis acid and Lewis base in 2. 1 

each reaction. 

a. H+ + O' -> H30+ 

H H 

b. AICI3 + CH->A1C14- 

Would you predict PC13 to be a Lewis acid or a 

Lewis base in typical reactions? Explain your 

prediction. 

a 

^^Textbook 

Problem-Solving 19.1 Solve 
Problem 1 with the help of an 
interactive guided tutorial. 

._with ChemASAP 

19.1 Section Assessment 

3. Key Concept What are the properties of acids 

and bases? 

4. Key Concept How did Arrhenius define an 

acid and a base? 

5. Key Concept How are acids and bases defined 

by the Bronsted-Lowry theory? 

6. Key Concept What is the Lewis theory of acids 

and bases? 

7. a. What is a conjugate acid-base pair? 

b. Write equations for the ionization of HN03 in 

water and the reaction of CO ,2 with water. For 

each equation, identify the hydrogen-ion donor 

and hydrogen-ion acceptor. Then label the conju¬ 

gate acid-base pairs in each equation. 

8. Identify the following acids as monoprotic, di- 

protic, or triprotic. Explain your reasoning, 

a. H2C03 b. H3P04 c. HC1 d. H2S04 

- -- -- 
Writing Activity 

Write a Report Household drain cleaners contain 
pellets of sodium hydroxide (NaOH) and small metal 

particles. Use the library or Internet to find out how 

drain cleaners work. Include the identity of the metal 
particles in your written report. 

ffPlM/rf | 
■ Textbook 

Assessment 19.1 Test yourself 
on the concepts in Section 19.1. 

_with ChemASAP 
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Hydrogen Ions and Acidity 

Guide for Reading 

Key Concepts 
• How are [H+] and [OH-] related 

in an aqueous solution? 

• How is the hydrogen-ion 

concentration used to classify a 

solution as neutral, acidic, or 

basic? 

• What is the most important 

characteristic of an acid-base 

indicator? 

Vocabulary 
self-ionization 

neutral solution 

ion-product constant 

for water {KJ 

acidic solution 

basic solution 

alkaline solutions 

PH 

Reading Strategy 
Relating Text and Visuals 
As you read about pH, look 

carefully at the diagram in Figure 

19.10. Make sure that you can 

explain why the differences in [H+] 

and [OH-] exist in acidic, neutral, 

and basic solutions. 

Connecting to Your World A patient is brought to a 

hospital unconscious and with a fruity odor on his breath.The doctor 

suspects the patient has fallen into a diabetic 

coma.To confirm her diagnosis, she orders 

several tests, including one of the acidity 

of the patient's blood.The results from this 

test will be expressed in units of pH, not 

molar concentration. In this section, you 

will learn how the pH scale is used to 

indicate the acidity of a solution and why 

the pH scale is used. 

Hydrogen Ions from Water 
As you already know, water molecules are highly polar and are in con¬ 

tinuous motion, even at room temperature. Occasionally, the collisions 

between water molecules are energetic enough to transfer a hydrogen ion 

from one water molecule to another. A water molecule that loses a hydro¬ 

gen ion becomes a negatively charged hydroxide ion (OH ). A water mole¬ 

cule that gains a hydrogen ion becomes a positively charged hydronium 

ion (H30+). 

The reaction in which water molecules produce ions is called the self¬ 

ionization of water. This reaction can be written as a simple dissociation. 

HzO(/) H+(aq) + OH-(aq) 

Hydrogen ion Hydroxide ion 

In water or aqueous solution, hydrogen ions (H+) are always joined to 

water molecules as hydronium ions (H30+). Hydrogen ions in aqueous 

solution have several names. Some chemists call them protons. Others 

prefer to call them hydrogen ions or hydronium ions. In this textbook, 

either H+ or H30+ is used to represent hydrogen ions in aqueous solution. 

Figure 19.7 shows how two water molecules react to form one hydronium 

ion and one hydroxide ion. 

Figure 19.7 The self¬ 

ionization of water. A proton 

(hydrogen ion) transfers from 
one water molecule to another 

water molecule. The result is 
one hydronium ion (H30+) and 

one hydroxide ion (OH-). 

M * * a +
 

*
 i 

H :0: + 
H 

HO -> H:0:H + 
H 

+ H:0: 

H20 + h2o —> h3o+ 

i X
 

o
 +
 

Water 
molecule 

Water 
molecule 

Hydronium 
ion 

Hydroxide 
ion 
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The self-ionization of water occurs to a very small extent. In pure water 

at 25°C, the equilibrium concentration of hydrogen ions ([H+]) and the 

equilibrium concentration of hydroxide ions ([OH-]) are each only 

1 x 10 'M. This means that the concentrations of H+ and OH- are equal in 

pure water. Any aqueous solution in which [H+] and [OH ] are equal is 

described as a neutral solution. 

Ion Product Constant for Water 
In any aqueous solution, when [H+] increases, [OH-] decreases. When [H+] 

decreases, [OH-] increases. Le Chatelier’s principle, which you learned 

about in Chapter 18, applies here. If additional ions (either hydrogen ions 

or hydroxide ions) are added to a solution, the equilibrium shifts. The con¬ 

centration of the other type of ion decreases. More water molecules are 

formed in the process. 

H+{aq) + OH~[aq) H20(/) 

(5 For aqueous solutions, the product of the hydrogen-ion concentra¬ 

tion and the hydroxide-ion concentration equals 1.0 X 10-14. 

[H+] X [OH-] = 1.0 X 10-14 

This equation is true for all dilute aqueous solutions at 25°C. As you will see, 

the concentrations of H+ and OH- may change when substances are added 

to water. However, the product of [H+] and [OH-] is always 1 x 10-14. 

The product of the concentrations of the hydrogen ions and hydroxide 

ions in water is called the ion-product constant for water (Kw). 

f^ = [H+] X [OH ] = 1.0 X 10-14 

Not all solutions are neutral. When some substances dissolve in water, 

they release hydrogen ions. For example, when hydrogen chloride dis¬ 

solves in water, it forms hydrochloric acid. 

HCl(g) H+(aq) + Cl~{aq) 

In such a solution, the hydrogen-ion concentration is greater than the 

hydroxide-ion concentration. The hydroxide ions are present from the self¬ 

ionization of water. An acidic solution is one in which [H+] is greater than 

[OH-]. The [H+] of an acidic solution is greater than 1 X 10-7M 

When sodium hydroxide dissolves in water, it forms hydroxide ions in 

solution. 

NaOH(s) Na+(aq) + OH"(ag) 

In such a solution, the hydrogen-ion concentration is less than the 

hydroxide-ion concentration. Remember, the hydrogen ions are present 

from the self-ionization of water. A basic solution is one in which [H+] is less 

than [OH-]. The [H+] of a basic solution is less than 1 X 10 7M. Basic solu¬ 

tions are also known as alkaline solutions. Some uses for acids and bases 

are shown in Figure 19.8. 

Figure 19.8 Acids and bases 
have many uses in the home 
and in industry. © Unrefined 

hydrochloric acid, commonly 

called muriatic acid, is used to 
clean stone buildings and 

swimming pools. © Sodium 
hydroxide, or lye, is commonly 

used as a drain cleaner. 

Predicting How will each 

chemical affect the hydrogen- 
ion and hydroxide-ion concen¬ 

tration of an aqueous solution? 

Checkpoint^ What is a basic solution? 
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For help with scientific 

notation, go to page R56. 

Textbook 

Problem-Solving 19.10 Solve 

Problem 10 with the help of an 

interactive guided tutorial. 

> with ChemASAP 

m SAMPLE PROBLEM 19.1 

Finding the [OH ] of a Solution 

Colas are slightly acidic. If the [H+] in a solution is 1.0 x 10-5M, is the 

solution acidic, basic, or neutral? What is the [OH-] of this solution? 

U Analyze List the knowns and the unknowns. 

Knowns 

• [H+] = 1.0 X 10-5M 

• Ion-product constant for water: 

1^= [H'! X [OH-] = 1 x 10-14 

Unknowns 
• solution = acidic, basic, or neutral? 

• [OH-] = ?M 

0 Calculate Solve for the unknowns, 

[H+] is 1.0 X 10-5M Because this is greater than 1.0 x 10-7M, the 

solution is acidic. 

By definition — [H+] X [OH ]. Therefore, [OH-] = 
[h+; 

Substituting the known numerical values, compute [OH ] as follows. 

[OH-] = 
1.0 x 10-14 
1.0 X 10-5 

1.0 X 10-9M 

(;j| Evaluate Do the results make sense? 

If [H+] is greater than 1.0 x 10 7M, the [OH-] must be less than 

1.0 x 10-7M. At 1 x 10-9M, [OH-] is less than 1 x 10-7M 

Practice Problems 

9. Classify each solution as 

acidic, basic, or neutral. 

a. [H+] = 6.0 X 10-1°M 

b. [OH-] = 3.0 X 10-ZM 

c. [H+] = 2.0 X 10-7M 

d. [OH-] = 1.0 X 10-7M 

10. If the hydroxide-ion concen¬ 

tration of an aqueous solution 

is 1 X 10-3M, what is the [H+] 

in the solution? Is the solution 

acidic, basic, or neutral? 

The pH Concept 
Expressing hydrogen-ion concentration in molarity is cumbersome. A 

more widely used system for expressing [H+] is the pH scale, proposed in 

1909 by the Danish scientist Soren Sorensen (1868-1939). On the pH scale, 

which ranges from 0 to 14, neutral solutions have a pH of 7. A pH of 0 is 

strongly acidic. A solution with a pH of 14 is strongly basic. 

Calculating pH The pH of a solution is the negative logarithm of the 

hydrogen-ion concentration. The pH may be represented mathematically 

using the following equation. 

pH = -log[H+] 
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In a neutral solution, the [H+] = 1 X 10“7M. The pH of a neutral solution is 7. 

pH = -log(l X 10~7) 

= -(log 1 + log 10~7) 

= -(0.0 + (-7.0)) 

= 7.0 

You can calculate the pH of a solution using the log function key on a 

calculator. (You can review finding the logarithm of a number on a calcula¬ 

tor in the Math Handbook on page R78.) 

Figure 19.9 shows how the hydrogen-ion concentration of a solution 

is used to classify the solution as neutral acidic, or basic. A solution in 

which [H+] is greater than 1 X 10_7Mhas a pH less than 7.0 and is acidic. 

The pH of pure water or a neutral aqueous solution is 7.0. A solution with 

a pH greater than 7 is basic and has a [H+] of less than 1 X 10~7M. 

• Acidic solution: pH < 7.0 [H+] greater than 1 X 10~7M 

• Neutral solution: pH = 7.0 [H+] equals 1 X 10_7M 

• Basic solution: pH > 7.0 [H+] less than 1 x 10"7M 

C 
I > 

Go inline 
-*sbscZn ks 

For: Links on pH 

Visit: www.SciLinks.org 

Web Code: cdn-1192 

[H30+] and [OH~] in Acidic, Neutral, and Basic Solutions 

Greater than 
1 x 10~7/W 

C 
o 

<U 
O 

O 
o 

I 
1 x io_7/w -- 

I 
Less than 

1 x 10“7/W 

Acidic Solution Neutral Solution Basic Solution 

Figure 19.9 The hydrogen-ion 

concentrate of a solution is used 

to classify the solution as acidic, 

neutral, or basic. 

INTERPRETING GRAPHS 

a. Identify What is [H30+] in a 

neutral solution? 

b. Describe How does [H30+] 
compare with [OH ] in an 

acidic solution? 

c. Compare and Contrast In 
terms of ion concentrations, 

how are basic solutions 

different from acidic solutions? 

The pH values of several common aqueous solutions are listed in 

Table 19.5. The table also summarizes the relationship among [H+], [OH ], 

and pH. You may notice that pH can sometimes be read from the value of 

[H+], If [H+] is written in scientific notation and has a coefficient of 1, then 

the pH of the solution equals the exponent, with the sign changed from 

minus to plus. For example, a solution with [H+] = 1 X 10 has a pH of 

2.0 and a solution with [H+] = 1 X 10 13Mhas a pH of 13.0. 

If the pH is an integer number, it is also possible to directly write the 

value of [H+]. A solution with a pH of 9.0 has a [H+] = 1 X 10~9M A pH of 4 

indicates a [H+] of 1 X 10 _4M. 
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Figure 19.10 The pH scale 

shows the relationship between 
pH and the hydrogen-ion 
concentration. Interpreting 
Diagrams What happens to 
[H1] as pH increases? 

Relationship among [H ], [OH ], and pH 

[H +] (mol/L) [OH ] (mol/L) 
A A ^Aqueous system 

1 

o
 

O
 

X
 1 X 10~14 0.0 — 1/WHCI 

> 1 

I. O
 

X
 1 X 10~13 1.0 — 0.1/WHCI 

1 X
 

_
)k 

O
 1 to
 

1 X 10~12 2.0 
-—Gastric juice 

-—Lemon juice u 
03 
CD 

1 x io-3 1 X 10"11 3.0 
c 
’to 
03 

1 X 10“4 1 X 10~10 4.0 -—Tomato juice 
CD 

U 
c 

1 X 10“5 1 X 10“9 W1
 

©
 

-—Black coffee 

1 X 1CT6 1 X 10~8 6.0 —— Milk 

Neutral 1 x io-7 1 X 10'7 7.0 -—Pure water 

4-J 1 X 10“8 1 X 10~6 8.0 "*1- Blood 

\n 
JO 1 X 10“9 1 X 10-5 9.0 Sodium bicarbonate, 

sea water 
CD 
C 1 X 10_1° 1 X 10~4 10.0 
U*I 
fO 
O) 1 X 10-11 1 X 10'3 11.0 

-—Milk of magnesia 

-—Household ammonia 
-—Washing soda 

u 
_c 1 X 10“12 1 X 10'2 12.0 

1 X 10 13 1 X 10'1 13.0 — 0.1/WNaOH 

1 X 10“14 1 X
 

o
 

o
 

14.0 s—IMNaOH 

Calculating pOH The pOH of a solution equals the negative logarithm 

of the hydroxide-ion concentration. 

pOH = -log[OH"] 

A neutral solution has a pOTI of 7. A solution with a pQH less than 7 is basic. 

A solution with a pOH greater than 7 is acidic. A simple relationship between 

pH and pOH allows you to find either one when the other is known. 

pH + pOH = 14 

pH = 14 - pOH 

pOH = 14 - pH 

pH and Significant Figures For pH calculations, you should express 

the hydrogen-ion concentration in scientific notation. For example, a 

hydrogen-ion concentration of 0.0010M, rewritten as 1.0 X 10“3Min scien¬ 

tific notation, has two significant figures. The pH of this solution is 3.00, 

with the two numbers to the right of the decimal point representing the two 

significant figures in the concentration. A solution with a pH of 3.00 is 

acidic, as shown in Figure 19.10. 

PH 
0 1 2 3 4 5 6 7 8 9 10 11 12 13 14 

Increasing acidity £ Increasing basicity 

10° 10_1 10“2 1CT3 10-4 1CT5 1(T6 1CT7 1(T8 1CT9 1(T10 1CT11 10“12 10“13 10~14 
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Most pH values are not whole numbers. For example, milk of magnesia 

has a pH of 10.5. Using the definition of pH, this means that [H+] must 

equal 1 x 10“105M. Thus [H+] must be less than 1 x 10^10M (pH 10.0), but 

greater than 1 x 10~nM (pH 11.0). If [H+] is written in scientific notation 

but its coefficient is not 1, then you use a calculator with a log function key 

to calculate pH. 

SAMPLE PROBLEM 19.2 

Calculating pH from [H+] 

What is the pH of a solution with a hydrogen-ion concentration of 

4.2 X 10“10M? 

fl Analyze List the knowns and the unknown. 

Knowns Unknown 
• [H+] = 4.2 X 10~10M • pH = ? 

• pH = —log[HU 

| Calculate Solve for the unknown. 

pH = -log[H+] 

Using a calculator, find log[H+]. 

log (4.2 X 1010) = -9.37675 

pH = -(-9.38) 

= 9.38 

OT) Evaluate Do the results make sense? 

The calculated pH is between 9 ([H+] = 1 X 10~9M) and 

10 ([H+] = 1 x 10 10M). The pH is rounded to two decimal places 

because the hydrogen-ion concentration has two significant figures. 

Practice Problems 

11. Find the pH of each solution. 

a. [H+] = 1 X 10-4M 

b. [H+] = 0.0015M 

i itrit 11 tiHtiini m 
1 2. What are the pH values of the 

following solutions, based 

on their hydrogen-ion 

concentrations? 

a. [H+] = 1.0 X 10_12M 

b. [H+] = 0.045M 

CHEMath 

Logarithms 
The common logarithm (log) 
of a number (N) is the expo¬ 

nent (x) to which the base 10 

must be raised to yield the 
number. If N = 10", then 

log N = x. 

The use of logarithms 

allows a large range of values 

to be conveniently expressed 

as small, nonexponential 
numbers. For example, 

log 103 = 3 and log 106 = 6. 

Although there is a range of 

three orders of magnitude 
(10 X 10 X 10 or 1000) 

between the numbers 103 

and 106,the range of the log 

values is only 3. 
The concentration of 

hydrogen ions in most aque¬ 

ous solutions, although small, 
can vary over many orders of 

magnitude. Scientists use pH, 

a logarithmic scale that 

ranges between 0 and 14, to 
more conveniently express 

the hydrogen ion concentra¬ 
tion of a solution. 

Math Handbook 

For help calculating 
logarithms, go to page R78. 

Textbook 
Problem-Solving 19.12 Solve 
Problem 12 with the help of an 
interactive guided tutorial. 

-.with ChemASAP 

You can calculate the hydrogen-ion concentration of a solution if you 

know the pH. For example, if the solution has a pH of 3.00, then 

[H+] = 1 X 10_3M. When the pH is not a whole number, you will need a cal¬ 

culator with a yx function key to calculate the hydrogen-ion concentration. 

For example, if the pH is 3.70, the hydrogen-ion concentration is greater 

than 1 x 10 4M (pH 4.0) and less than 1 X 10 3M (pH 3.0). To get an accu¬ 

rate value, use a calculator as shown in the following example. 
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SAMPLE PROBLEM 19.3 

__ Handbook 

For help calculating 
logarithms, go to page R78. 

Textbook 
Problem-Solving 19.14 Solve 
Problem 14 with the help of an 
interactive guided tutorial. 

_with ChemASAP 

Using pH to Find [H ] 

The pH of an unknown solution is 6.35. What is its hydrogen-ion 

concentration? 

Ip Analyze List the knowns and the unknown. 

Knowns Unknown 

•pH = 6.35 • [H+] = ?M 

•pH = —log[H+] 

(■ Calculate Solve for the unknown. 

First, rearrange the equation for the definition of pH to solve for the 

unknown. 

-log[H+] = pH 

Next, substitute the value of pH. 

—log[H+] = 6.35 

Change the signs on both sides of the equation. 

log[H+] = -6.35 

Finally, determine the number that has a log of -6.35, the antilog of 

-6.35, using the 10* key on the calculator. The antilog of —6.35 is 

4.5 x 1CT7. Therefore, [H+] = 4.5 x 10~7M. 

O Evaluate Do the results make sense? 

The hydrogen ion concentration must be between 1 x 1CT6M (pH = 6) 

and 1 x 10 ”7M (pH = 7). The answer is rounded to two significant 

figures because the pH was measured to two decimal places. 

Practice Problems 

13. Calculate [H+] for each 

solution. 

a. pH = 5.00 

b. pH = 12.83 

14. What are the hydrogen-ion 

concentrations for solutions 

with the following pH values? 

a. 4.00 

b. 11.55 

Measuring pH 
People need to be able to measure the pH of the solutions they use. From 

maintaining the correct acid-base balance in a swimming pool, to creating 

soil conditions ideal for plant growth, to making medical diagnoses, pH 

measurements have valuable applications. For preliminary pH measure¬ 

ments and for small-volume samples, an indicator such as the one shown 

in Figure 19.11 is often used. For precise and continuous measurements, a 

pH meter is preferred. 
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Figure 19.11 Acid-base indicators respond to pH 
changes over a specific range. Phenolphthalein 

changes from colorless to pink at pH 7-9. 



If you know the [OH-] of a solution, you can find its pH. The ion-product 

for water defines the relationship between [H+] and [OH-]. Therefore, you 

can determine [H+] by dividing K„ by the known [OH-]. 

SAMPLE PROBLEM 19.4 

Calculating pH from [OH ] 

What is the pH of a solution if [OH ] = 4.0 X 10-11M? 

Analyze List the knowns and the unknown. 

Knowns 

• [OH-] = 4.0 X 10-11M 

•K„= [OH-] X [H+] = 1 x 10-14 

• pH = -log[H+] 

Unknown 

•pH = ? 

yl Calculate Solve for the unknown. 

To calculate pH, first calculate [H+] by using the definition of K^. 

K^ = { OH-]X[H+] 

K, l.o x io-14 [H+1 = = 0.25 X 10-3M 
[OH-] 4.0 X 10-11 

= 2.5 X 10-4M 

With the value of [H+] determined, use the definition of pH to solve for the pH. 

pH = —log [H+] = -log (2.5 x 10 4) 

A calculator indicates that log 2.5 x 10-4M = -3.60205, therefore 

pH = -(-3.60) 

= 3.60 

Ip; Evaluate Do the results make sense? 

A solution in which [OH-] is less than 1 X 10-7M would be acidic 

because [H+] would be greater than 1 X 10-7M The pH is expressed to 

2 decimal places because [OH ] is expressed to 2 significant figures. 

Practice Problems 

15. Calculate the pH of each 

solution. 

a. [OH-] = 4.3 X 10-5M 

b. [OH ] = 4.5 X 10-11M 

16. Calculate the pH of each 

solution. 

a. [H+] = 5.0 X 10-5M 

b. [H+] = 8.3 X 10-10M 

Textbook 
Problem-Solving 19.15 Solve 
Problem 15 with the help of an 
interactive guided tutorial. 

_with ChemASAP 

Acid-Base Indicators An indicator (HIn) is an acid or a base that undergoes dis¬ 

sociation in a known pH range. An indicator is a valuable tool for measuring 

pH because its acid form and base form have different colors in solution. The 

following generalized equation represents the dissociation of an indicator (HIn). 

Hln(ao) v °H ^ H+(aq) + In~{aq) 
H 

Acid form Base form 

The acid form dominates the dissociation equilibrium at low pH (high 

[H+]), and the base form dominates the equilibrium at high pH (high [OH-]). 
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Figure 19.12 Indicators change 
color at a different pH. 

INTERPRETING GRAPHS 

a. Identify Which indicator 
changes color in a solution 

with a pH of 2? 

b. Compare and Contrast 
What do you notice about the 
range over which each 
indicator changes color? 

c. Apply Concepts Which 
indicator would you choose 
to show that a solution has 

changed from pH 3 to pH 5? 

Figure 19.13 You can find acidic 
and basic substances in your 
home. O Universal indicator 

solution has been added to 
solutions of known pH in the 

range from 1 to 12 to produce 
a set of reference colors. 
0 Universal indicator has been 

added to samples of vinegar, 
soda water, and ammonia 
solution. Interpreting 
Photographs Use the refer¬ 

ence colors to assign pH values 
to vinegar, soda water, and 
ammonia solution. 

Color Ranges of Acid-Base Indicators 

Thymol blue 

Bromphenol blue 

Bromcresol green 

Methyl red 

Alizarin 

Bromthymol blue 

Phenol red 

Phenolphthalein 

Alizarin yellow R 

0 1 2 3 4 5 6 7 8 9 10 11 12 13 14 

pH 

For each indicator, the change from dominating acid form to dominating 

base form occurs in a narrow range of approximately two pH units. Within 

this range, the color of the solution is a mixture of the colors of the acid and 

the base forms. Knowing the pH range over which this color change occurs 

can give you a rough estimate of the pH of a solution. At all pH values below 

this range, you would see only the color of the acid form. At all pH values 

above this range, you would see only the color of the base form. You could 

get a more precise estimate of the pH of the solution by repeating the exper¬ 

iment with indicators that have different pH ranges for their color changes. 

Many different indicators are needed to span the entire pH spectrum. 

Figure 19.12 shows the pH ranges of some commonly used indicators. 

Indicators have certain characteristics that limit their usefulness. The 

listed pH values of indicators are usually given for 25°C. At other tempera¬ 

tures, an indicator may change color at a different pH. If the solution being 

tested is not colorless, the color of the indicator may be distorted. Dissolved 

salts in a solution may also affect the indicator’s dissociation. Using indica¬ 

tor strips can help overcome these problems. An indicator strip is a piece of 

paper or plastic impregnated with an indicator. The paper is dipped into an 

unknown solution and compared with a color chart to measure the pH. 

Some indicator paper is impregnated with multiple indicators. The colors 

that result, which cover a wide pH range, are shown in Figure 19.13. 
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Figure 19.14 Altering soil pH 
can affect the development 
of plants. © In acidic soils, 
hydrangeas produce blue 
flowers. © In basic soils, 
hydrangeas produce pink 
flowers. Evergreen plants 
O suffer from chlorosis, a 
yellowing of the foliage © if 
soil pH is too basic. 

pH Meters A pH meter makes rapid, accurate pH measurements. Most 

chemistry laboratories have a pH meter. A pH meter connected to a com¬ 

puter or chart recorder can be used to make a continuous recording of pH 

changes. As you can see in Figure 19.15, the pH meter gives a direct readout 

of pH. 
A pH meter is often easier to use than liquid indicators or indicator 

strips. Measurements of pH obtained with a pH meter are typically accu¬ 

rate to within 0.01 pH unit of the true pH. The color and cloudiness of the 

unknown solution do not affect the accuracy of the pH value obtained. 

Hospitals use pH meters to find small but meaningful changes of pH in 

blood and other body fluids. Sewage, industrial effluents, and soil pH are 

also easily monitored with a pH meter. 

Figure 19.15 A pH meter 
provides a quick and accurate 
way to measure the pH of a 
solution. © Water is neutral, 
having a pH of 7. © The pH 
of vinegar, a dilute aqueous 
solution of ethanoic (acetic) acid, 
is about 3. Q The pH of milk 
of magnesia, an aqueous 
suspension of magnesium 
hydroxide, is 10.5. 
Applying Concepts What are 
some advantages of using a pH 
meter rather than an indicator? 
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Indicators from Natural Sources 

Purpose 
To measure the pH of vari¬ 

ous household materials by 

using a natural indicator to 

make an indicator chart. 

Materials 
• knife 

• red cabbage leaves 

• 1-cup measure 

• hot water 3. 

• 2 jars 

• clean white cloth 

• teaspoon 

• tape 4. 
• 3 sheets of plain white 

paper 

• pencil 

• ruler 

• 10 clear plastic cups 

• white vinegar 

(CH3COOH) 

• baking soda (NaHC03) 

• household ammonia 5 

• dropper 

• various household items 

_ 

Put 1 cup of finely chopped red cab¬ 

bage leaves in a jar and add 1 cup of 

hot water. Stir and crush the leaves 

with a spoon. Continue the extraction 

until the water is distinctly colored. 

Strain the extract through a piece of 

cloth into a clean jar.This liquid is your 

natural indicator. 

Tape three sheets of paper end to end. 

Draw a line along the center and label 

it at 5-cm intervals with the numbers 1 

to 14.This is your pH scale. 

Pour your indicator to about 1 -cm 

depth into each of three plastic cups. 

To one cup, add several drops of vine¬ 

gar, to the second add a pinch of bak¬ 

ing soda, and to the third add several 

drops of ammonia.The resulting colors 

indicate pH values of about 3,9, and 

11, respectively. Place these colored 

positions on your pH scale. 

Repeat Step 4 for household items 

such as table salt, borax, milk, lemon 

juice, laundry detergent, dish deter¬ 

gent, milk of magnesia, mouthwash, 

Procedure 

i. 

toothpaste, shampoo, and carbonated 

beverages. 

Analyze and Conclude 

1. What was the color of the indicator at 

acidic, neutral, and basic conditions? 

2. What chemical changes were responsi¬ 

ble for the color changes? 

3. Label the materials you tested as acidic, 

basic, or neutral. 

4. Which group contains items used for 

cleaning or for personal hygiene? 

19.2 Section Assessment 

17. Key Concept What is the relationship between 

[H+] and [OH ] in an aqueous solution? 

18. Key Concept What is true about the relative 

concentrations of hydrogen ions and hydroxide 

ions in each kind of solution? 

a. basic b. acidic c. neutral 

19. Key Concept What is true about the colors 

of a pH indicator? 

20. Determine the pH of each solution. 

a. [H+] = 1 X 10“6M b. [H+] = 0.00010M 

c. [OH-] = 1 X 10“2M d. [OH ] = 1 X 10-11M 

21. What are the hydroxide-ion concentrations for 

solutions with the following pH values? 

a. 6.00 b. 9.00 c. 12.00 

m inunnnfr... 
Group 7A Elements Hypochlorite salts are used 

to disinfect swimming pools. Use page R34 of the 
Elements Handbook to find out how the pH of swim 

ming pool water is regulated to maintain the neces¬ 

sary concentration of hypochlorous acid, HOCI. 

r ^feteractive 
''“^Textbook 

Assessment 19.2 Test yourself 
on the concepts in Section 19.2. 

. with ChemASAP 
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Strengths of Acids and Bases 

■ Lemons and grapefruits have a Connecting to Your World 
sour taste because they contain citric acid. When you make lemonade, or 

cut up a grapefruit, you probably do not wear safety goggles or chemical- 

resistant clothing even though you are working 

with an acid. However, some acids require 

such precautions. For example, sulfuric 

acid is a widely used industrial chemical 

that can quickly cause severe burns if it 

comes into contact with skin. In this 
section,you will learn what makes 

some acids weak acids and other acids 
strong acids. 

Strong and Weak Acids and Bases 
Acids are classified as strong or weak depending on the degree to which 

they ionize in water. In general, strong acids are completely ionized in 

aqueous solution. Hydrochloric acid and sulfuric acid are strong acids. 

HCl(g) + H20(/)  ->H30+{aq) + C\~{aq) (100% ionized) 

Weak acids ionize only slightly in aqueous solution. The ionization of etha- 

noic acid (acetic acid), a typical weak acid, is not complete. 

CH3COOH(ar7) + H20(Z) H30+(^) + CH3COCT(ag) 

Ethanoic acid Water Hydronium ion Ethanoate ion 

Table 19.6 shows the relative strengths of some common acids and bases. 

Guide for Reading 

Key Concepts 
• How does the value of an acid 

dissociation constant relate to 
the strength of an acid? 

• How can you calculate an acid 
dissociation constant (Ka) of a 
weak acid? 

Vocabulary 
strong acids 

weak acids 

acid dissociation constant (Ks) 

strong bases 

weak bases 

base dissociation constant (Kb) 

Reading Strategy 
Comparing and Contrasting 

Compare the concentrations of H+ 
and OH ” in solutions of strong 
acids and weak acids. Explain 
these differences. Do the same for 
strong bases and weak bases. 

Relative Strengths of Common Acids and Bases 

Substance Formula Relative Strength 

Hydrochloric acid 

Nitric acid 

Sulfuric acid 

HCI 1 
HNO, 1 

h2so4 J 1 

Strong Acid 
A 

~o 

r-rx U cn ra 
C M_ 

•C* 0 
fT3 JZ 
CD T3 

u ? 

— CD 
4—' 
CO 

Neutral Solution 

C7 
C CD 

’«/> U) jg 
cu c O 
2? £ £ 

S tt 0 

Strong Base 

Phosphoric acid h3po4 

Ethanoic acid ch3cooh 

Carbonic acid h2co3 

Hypochlorous acid HCIO 

Neutral Solution 

Ammonia nh3 

Sodium silicate Na2Si03 

Calcium hydroxide 

Sodium hydroxide 

Potassium hydroxide 

Ca(OH)2) 

NaOH 

KOH J 1 
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Figure 19.16 Dissociation of 
an acid (HA) in water yields 

H30+ and A“. The bar graphs 

compare the extent of 
dissociation of strong, weak, 
and very weak acids. 

INTERPRETING GRAPHS 

a. Explain In the graph for 

the strong acid, why are the 
heights of the H30+ and A^ 

bars the same as the height of 
HA bar? 

b. Inferring In the graph for 
the weak acid, why is the 

height of the H30+ bar the 

same as the distance from the 
top of the second HA bar to 

the dotted line? 
c. Apply Concepts Draw a 

bar graph for the dissociation 

of the weak diprotic acid, 
oxalic acid. Be sure to include 

the first and second 
dissociation. 

Acid Dissociation Constant In an aqueous solution of ethanoic acid, 

fewer than 1% of ethanoic acid molecules are ionized at any instant. 

Therefore, ethanoic acid is considered a weak acid. Figure 19.16 compares 

the extent of dissociation of strong, weak, and very weak acids. A strong 

acid completely dissociates in water. As a result, [H30+] is high. Hydrochlo¬ 

ric acid and sulfuric acid are examples of strong acids. On the other hand, 

weak acids, such as boric acid and carbonic acid, remain largely undissoci¬ 

ated. The [H30+] of a weak acid is low. 

You can write the equilibrium-constant expression from the balanced 

chemical equation. The equilibrium-constant expression for ethanoic acid 

is shown below. 

[H30+] x [CH3COO“] 

^ ~ [CH3COOH] X [H20] 

Dissociation of a Strong Acid, Weak Acid, and Very Weak Acid 

Strong Acid 

HA H30+ A“ 

HA(ag) + H20(/)-> H30+(ag) + A~(aq) 

Weak Acid 

HA(ag) + H20(/) v=^ H30+(ag) + A (aq) 

Very Weak Acid 

HA(ag) + H20(/) H30+(ag) + A“(ag) 
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Table 19.7 

Dissociation Constants of Weak Acids 

Acid Ionization Ka (25°C) 

Oxalic acid HOOCCOOH(ag)-+(ag) + HOOCCOO (aq) 5.6 X 10 2 

HOOCCOO (aq) ,-H+(ag) + 00CC002'(ag) 5.1 X 10~5 

Phosphoric acid H3P04(agN-H+(aq) + H2P04-(ag) 7.5 X 10~3 

H2P04 (agN-H+(aq) + HP042 (aq) 6.2 X 10 8 

HP042 (aq),-H+(aq) + P043 (aq) 4.8 X 10“13 

Methanoic acid HCOOH(ag)^=^H+(ag) + HCOO (aq) 1.8 X 10~4 

Benzoic acid C6H5COOH(ag) t--HQaq) + C6H5COO (aq) 6.3 X 10~5 

Ethanoic acid CH3COOH(ag) t-H(ag) + CH3COO (aq) 1.8 X 10~5 

Carbonic acid H2C03(ag)T—iH+(aq) + HC03 (aq) 4.3 X 10~7 

Hu03 (aq) H+(ag) + C032 (aq) 4.8 X 10 11 

For dilute solutions, the concentration of water is a constant. It can be 

combined with IQ to give an acid dissociation constant. An acid dissocia¬ 

tion constant (Ka) is the ratio of the concentration of the dissociated (or 

ionized) form of an acid to the concentration of the undissociated (nonion- 

ized) form. The dissociated form includes both the H30+ and the anion. 

Kq X [H20] K = 
[H30+] X [CH3COO-] 

[CH3COOHj 

The acid dissociation constant (IQ) reflects the fraction of an acid in the 

ionized form. For this reason, dissociation constants are sometimes called 

ionization constants. If the value of the dissociation constant is small, then 

the degree of dissociation or ionization of the acid in the solution is small. 

Weak acids have small Ka values. The stronger an acid is, the larger is its 

Rvalue. A larger value of IQ means the dissociation or ionization of the acid 

is more complete. For example, nitrous acid (F1N02) has a IQ of 4.4 X 10~4, 

whereas ethanoic acid (acetic acid) has a IQ of 1.8 x 1CT5. This means that 

nitrous acid is more ionized in solution than ethanoic acid. Nitrous acid is 

a stronger acid than ethanoic acid. 

Therefore, a strong acid has a higher [H30+] and a large dissociation 

constant. Conversely, a weak acid has a low [F130+] and a small dissociation 

constant. Diprotic and triprotic acids lose their hydrogens one at a time. 

Each ionization reaction has a separate dissociation constant. Thus, phos¬ 

phoric acid (H3P04) has three dissociation constants to go with its three 

ionizable hydrogens. Table 19.7 shows the ionization reactions and disso¬ 

ciation constants of some common weak acids, ranked by the value of the 

first dissociation constant of each acid. 

(^Checkpoint) What distinguishes a strong acid from a weak acid? 

Figure 19.17 A solution of 

phosphoric acid is used to 
remove lime deposits from 

plumbing fixtures. Lime deposits 
are calcium carbonate. 
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Figure 19.18 Window cleaners 
use an ammonia solution to clean 

glass because it is a weak base. 
Being a weak base also makes 

ammonia relatively safe to use. 

Base Dissociation Constant Just as there are strong acids and weak 

acids, there are also strong bases and weak bases. Strong bases dissociate 

completely into metal ions and hydroxide ions in aqueous solution. Some 

strong bases, such as calcium hydroxide and magnesium hydroxide, are 

not very soluble in water. The small amounts of these bases that do dissolve 

dissociate completely. 

Weak bases react with water to form the hydroxide ion and the conju¬ 

gate acid of the base. Ammonia is an example of a weak base. 

NH3(aq) + H20(Z) NH/Jar?) + OH~{qq) 
Ammonia Water Ammonium Hydroxide 

ion ion 

The equilibrium of this equation greatly favors the reverse reaction. Only 

about 1% of the ammonia is present as NH4+, the conjugate acid of NH3. 

The concentrations of NH4+ and OH- are low and equal. The equilibrium- 

constant expression for the reaction of ammonia with water is 

[NH4+] X [OH-] 

eq [NH3] X [H20] 

The concentration of water is constant in dilute solutions. It can be com¬ 

bined with Keq to give a base dissociation constant (Kb). 

Keq X [H20] = Kb 
[NH4+] X [OH-] 

[NH3] 

In general, the base dissociation constant (Kb) is the ratio of the concentra¬ 

tion of the conjugate acid times the concentration of the hydroxide ion 

to the concentration of the base. The general form of this equation is as 

follows. 

_ [conjugate acid] X [OH ] 

b [base] 

The magnitude of Kb indicates the ability of a weak base to compete with 

the very strong base OH- for hydrogen ions. Because bases such as ammo¬ 

nia are weak relative to the hydroxide ion, Kb for such bases is usually small. 

The Kb for ammonia is 1.8 x 10-5. The smaller the value of Kb, the weaker is 

the base. 

Checkpoint] Which is larger, the Ka of a weak acid or the Ka of 

a strong acid? 



Table 19.8 

Concentration of Some Common Laboratory Acids and Bases 

Acid or base 

Concentration 

Moles/liter (molarity) Grams/liter 

Concentrated hydrochloric acid 12 438 

Dilute hydrochloric acid 6 219 

Concentrated sulfuric acid 18 1764 

Dilute sulfuric acid 6 588 

Concentrated phosphoric acid 15 1470 

Concentrated nitric acid 16 1008 

Dilute nitric acid 6 378 

Ethanoic acid, glacial 17 1020 

Ethanoic acid, dilute 6 360 

Dilute sodium hydroxide 6 240 

Concentrated aqueous ammonia 15 255 

Dilute aqueous ammonia 6 102 

Concentration and Strength The words concentrated and dilute indi¬ 

cate how much of an acid or base is dissolved in solution. These terms refer 

to the number of moles of the acid or base in a given volume. The words 

strong and weak refer to the extent of ionization or dissociation of an acid 

or base. They indicate how many of the particles ionize or dissociate into 

ions. Hydrochloric acid (HC1) (aq) is a strong acid; it is completely dissoci¬ 

ated into ions. Gastric juice in the stomach is a dilute solution of hydro¬ 

chloric acid. A relatively small number of HC1 molecules are present in a 

given volume of gastric juice, but they are all dissociated into ions. A sam¬ 

ple of hydrochloric acid added to a large volume of water becomes more 

dilute, but it is still a strong acid. Vinegar is a dilute solution of a weak acid, 

ethanoic acid. Pure ethanoic acid (glacial acetic acid) is still a weak acid, 

even though it is highly concentrated. Solutions of ammonia can be dilute 

or concentrated, depending on the amount of ammonia dissolved in a 

given volume of water. In any solution of ammonia, however, whether con¬ 

centrated or dilute, ammonia will be a weak base because the amount of 

ionization will be small. Table 19.8 lists the concentrations of acids and 

bases commonly found in the laboratory. 

Calculating Dissociation Constants 
You can calculate the acid dissociation constant (IQ of a weak acid or the 

base dissociation constant (BQ of a weak base from experimental data. 

To find the K, of a weak acid or the kj, of a weak base, substitute the mea¬ 

sured concentrations of all the substances present at equilibrium into the 

expression for k(, or kj,. For a weak acid, you can determine these concentra¬ 

tions experimentally if you know the initial molar concentration of the acid 

and the pH (or [H30+]) of the solution at equilibrium. 
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In general, for an acid in water you can find IQ by substituting the con¬ 

centrations of the acid, [HA], the negative ion from the dissociation of the 

acid, [A-], and the hydrogen ion, [H+], into the equation below. 

[H+][A-] 

[HA] 

Math Handbook 

For help with scientific 

notation, go to page R56. 

Problem-Solving 19.23 Solve 

Problem 23 with the help of an 

interactive guided tutorial. 

-with ChemASAP 

Textbook 

SAMPLE PROBLEM 19.5 

Calculating a Dissociation Constant 

A 0.1000M solution of ethanoic acid is only partially ionized. From 

measurements of the pH of the solution, [H+] is determined to be 

1.34 x 10_3M What is the acid dissociation constant {IQ) of ethanoic acid? 

^ Analyze List the knowns and the unknown. 

Knowns 

• [ethanoic acid] = 0.1000M 

• [H+] = 1.34 X 10_3M 

• CH3COOH(r?(7) + H20(7) v ■ ^ H3Q+{ucj] + CH3COO_(ctr/) 

[H+] X [CH3COCT] 
Ka = [CH3COOH] 

Unknown 

•*a = ? 

^ Calculate Solve for the unknown. 

Each molecule of CH3COOH that ionizes gives an H+ and a CH3COO 

ion. Therefore, at equilibrium [H+] = [CH3COO“] = 1.34 X 10~3M. 

The equilibrium concentration of CH3COOH is the initial con¬ 

centration minus the concentration of the ionized acid or 

(0.1000 - 0.00134)M= 0.0987M. 

Concentration [CH3COOH] [H+] [CH3COO ] 

Initial 0.1000 0 0 

Change -1.34 X 10"3 1.34 X 10“3 1.34 X 10“3 

Equilibrium 0.0987 1.34 X 10“3 1.34 X 10“3 

Substitute the equilibrium values into the expression for Ka. 

[H+] X [CH3COQ-] _ (1.34 X 10“3) X (1.34 X 10~3) 
K» = 

[CH3COOH] 

= 1.82 X 10^5 

0.0987 

T Evaluate Does the result make sense? 

The value of Ka is consistent with that of a weak acid. 

Practice Problems 

22. In an exactly 0.1M solution of 

methanoic acid, [H+] = 

4.2 X 10“3M Calculate the K, 

of methanoic acid. 

23. In an exactly 0.2Msolution of 

a monoprotic weak acid, 

[H+] = 9.86 X 10“4M 

What is the IQ for this acid? 
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Stone Conservator 
As more is learned about 

the damaging effects of air¬ 

borne pollutants, such as acid 

rain, there is a growing con¬ 

cern to preserve historic 

buildings and pieces of sculp¬ 

ture from damage. Stone 

conservators work to prevent 

and repair the damage to 

stone used in buildings and 

sculptures. 

Stone conservators must 

clean statues properly to remove 

pollution deposits. One method 

they use is to apply a thin, clay 

mudpack to the stone’s surface to 

pull out the deposits. Lasers are 

also used to remove pollution 

from stone. When making repairs, 

stone conservators sometimes use 

surgical microscopes to examine 

the surfaces of statues. If the stone 

was originally painted, the origi¬ 

nal paint is chemically analyzed to 

determine its composition. In 

addition, conservators research 

and apply methods to preserve 

the stone once it has been 

repaired. One preservation tech¬ 

nique is to seal the stone to pre¬ 

vent water, which carries 

dissolved gases and salts, from 

seeping into the pores of the 

stone. 

Stone conservators often 

work for museums, universi¬ 

ties, or private companies 

that specialize in the cleaning 

and restoration of stone 

objects. They must have 

knowledge of both chemistry 

and art because they often 

work closely with both chem¬ 

ists and museum personnel. 

A stone conservator’s level of edu¬ 

cation may range from a bache¬ 

lor’s degree to a doctorate. 

Go ^Inline 
-PHSchool.com 

For: Careers in Chemistry 
Visit: PHSchool.com 
Web Code: cdb-1193 

19.3 Section Assessment 

24. Key Concept Compare a strong acid and a 

weak acid in terms of the acid dissociation 

constant. 

25. Key Concept How do you determine the Ka 

of a weak acid or the Kb of a weak base? 

26. Which acid in Table 19.6 would you expect to 

have the lowest ionization constant? 

27. Acid HX has a very small value of Ka. How do the 

relative amounts of H+ and HX compare at equi¬ 

librium? 

28. Write the equations for the ionization or dissoci¬ 

ation of the following acids and bases in water, 

a. nitric acid b. ethanoicacid 

c. ammonia d. magnesium hydroxide 

29. Compare the terms strong I weak and concen¬ 

trated I dilute as they pertain to acids and bases. 

Writing Activity ^ 

Cause and Effect Paragraph The chief cause of 
tooth decay is the weak acid called lactic acid 

(C3H603). Lactic acid is formed in the mouth by the 
action of specific bacteria, such as Streptococcus 
mutans, on sugars present in sticky plaque on tooth 
surfaces. Starting with the information on page R34, 

research current efforts to thwart tooth decay. Write 
a report summarizing your findings. 

''^Textbook 

Assessment 19.3 Test yourself 
on the concepts in Section 19.3. 

_with ChemASAP 
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Neutralization Reactions 

Guide for Reading 

<^ Key Concepts 
• What are the products of the 

reaction of an acid with a base? 

• What is the endpoint of a 

titration? 

Vocabulary 
neutralization reactions 

equivalence point 

titration 

standard solution 

Connecting to Your World Nearly all ofthe adult popula. 

tion suffers from acid indigestion at some time. Although hydrochloric 

acid is always present in the stomach, an excess 

can cause heartburn and a feeling of nausea 

A common way to relieve the pain of acid 

indigestion is to take antacids to neutral¬ 

ize the stomach acid.The active ingredient 

in many antacids is sodium hydrogen car¬ 

bonate,aluminum hydroxide, or magnesium 

hydroxide. In this section, you will learn 

what a neutralization reaction is. 

end point 

Reading Strategy Acid-Base Reactions 
If you mix a solution of a strong acid containing hydronium (hydrogen) 

ions with a solution of a strong base that has an equal number of hydroxide 

ions, a neutral solution results. The final solution has properties that are 

characteristic of neither an acidic nor a basic solution. Consider these 

examples: 

HC1( aq) + NaOHlar?) —>NaCl(at7) + H20(Z) 

H2S04(ag) + 2KOH {aq)->K2S04{aq) + 2H20(Z) 

In each example, a strong acid reacts with a strong base. If solutions of 

these substances are mixed in the mole ratios specified by the balanced 

equation, neutral solutions will result. Similar reactions of weak acids and/ 

or weak bases do not usually produce neutral solutions. In general, how¬ 

ever, reactions in which an acid and a base react in an aqueous solution to 

produce a salt and water are called neutralization reactions. The formation 

of water in a neutralization reaction is shown in Figure 19.20. 

Neutralization reactions are one way to prepare pure samples of salts. 

You could prepare potassium chloride, for example, by mixing equal molar 

quantities of hydrochloric acid and potassium hydroxide. An aqueous 

solution of potassium chloride would result. You could heat the solution to 

evaporate the water, leaving the salt potassium chloride. Table 19.9 lists 

some common salts and their applications. 

(5 In general, the reaction of an acid with a base pro¬ 

duces water and one of a class of compounds called salts. 

When you hear the word salt, you may think of the sub¬ 

stance that flavors your French fries or scrambled eggs. 

Table salt (sodium chloride) is one example of a salt, 

but there are many more. Salts are compounds 

consisting of an anion from an acid and a cation from 

a base. 

Identifying a Sequence 
A sequence is the order in which a 

series of events occurs. As you 

read about acid-base titrations, list 

the steps that should be used in 

carrying out a precise titration. 

Include the reactants and how 

they are measured, the indicator, 

and what to look for as the 

titration nears its end point. 

Figure 19.19 For fish and other 

aquatic animals to survive, the 
water in which they live must be 

maintained at the proper pH. 



Table 19.9 

Some Salts and Their Applications 

Name Formula Applications 

Ammonium sulfate <NH4)2S04 Fertilizer 

Barium sulfate BaS04 Gastrointestinal studies; white pigment 

Calcium chloride CaCI2 De-icing roadways and sidewalks 

Potassium chloride KCI Sodium-free salt substitute 

Silver bromide AgBr Photographic emulsions 

Sodium hydrogen carbonate (baking soda) NaHC03 Antacid 

Sodium carbonate decahydrate (washing soda) Na2C03 ■ 10H2O Glass manufacture; water softener 

Sodium chloride (table salt) NaCI Body electrolyte; chlorine manufacture 

Figure 19.20 In a neutralization 

reaction, hydronium ions (H30+) 

combine with hydroxide ions 
(OH") to form neutral water. 

Hydronium ion Hydroxide ion Water Water 
H30+ + OH" -» H20 + H20 

The properties of acids, bases, and salts help explain many diverse 

phenomena. The usefulness of antacids, for example, depends on the pro¬ 

cess of acid-base neutralization. Farmers use a similar process to control 

the pH of soil. 

Titration 
Acids and bases sometimes, but not always, react in a 1:1 mole ratio. 

HCl(aq) + NaOH(ag) -* NaCl(ar7) + HzO(Z) 

1 mol 1 mol 1 mol 1 mol 

When sulfuric acid reacts with sodium hydroxide, however, the ratio is 

1:2. Two moles of the base sodium hydroxide are required to neutralize one 

mole of H2S04. 

H2SO4(aq) + 2NaOH(ar7) -> Na2S04(a^) + 2H20(Z) 

1 mol 2 mol 1 mol 2 mol 

Similarly, hydrochloric acid and calcium hydroxide react in a 2:1 ratio. 

2UC\(aq) + Ca(OH)2{aq) -* CaCl2(a^) + 2H20(Z) 

2 mol 1 mol 1 mol 2 mol 

You will notice in the preceding examples that the number of moles of 

hydrogen ions provided by the acid are equivalent to the number of 

hydroxide ions provided by the base. When an acid and base are mixed, the 

equivalence point is when the number of moles of hydrogen ions equals the 

number of moles of hydroxide ions. 

(^Checkpoint) What is the equivalence point of a reaction between an acid 

and a base? 
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Math | handbook 

For help with dimensional 
analysis, go to page R66. 

Problem-Solving 19.30 Solve 
Problem 30 with the help of an 
interactive guided tutorial. 

-_with ChemASAP 

Textbook 

^SAMPLE PROBLEM 19.6 US 
Finding the Number of Moles of an Acid in Neutralization 

How many moles of sulfuric acid are required to neutralize 0.50 mol of 

sodium hydroxide? 

m Analyze List the knowns and the unknown 

Knowns 
• mol NaOH = 0.50 mol 

• H2S04(a<7) + 2NaOH(nr7) - »Na2S04(aq) + 2H?0(/) 

1 
2 

molH2S04 

mol NaOH 

Unknown 

• moles H2S04 = ? mol 

0 Calculate Solve for the unknown. 

The mole ratio of H2S04 to NaOH is 1:2. The n ecessary number of moles 

of H2S04 is calculated using this ratio. 

1 mol H,SO„ 
0.50mohNnOH X 

2 mohNaOH 
= 0.25 mol H,SO, 

0 Evaluate Does the result make sense? 

Because the mole ratio of H2S04 to NaOH is 1:2, the expected number 

of moles of H2S04 should he half the given number of moles of NaOH. 

The answer should have two significant figures. 

Practice Problems 

30. How many moles of potas- 31. How many moles of sodium 

sium hydroxide are needed hydroxide are required to 

to completely neutralize neutralize 0.20 mol of nitric 

1.56 mol of phosphoric acid? acid? 

You can determine the concentration of acid (or base) in a solution by 

performing a neutralization reaction. You must use an appropriate acid- 

base indicator to show when neutralization has occurred. As you can see in 

Figure 19.21, the juice of the red cabbage is an acid-base indicator. In the 

laboratory, phenolphthalein is often the preferred indicator for acid-base 

neutralization reactions. Solutions that contain phenolphthalein turn from 

colorless to deep pink as the pH of the solution changes from acidic to 

basic. In slightly basic solutions, the indicator is very faintly pink. 

Figure 19.21 Red cabbage juice is 
used as an acid-base indicator. As 

the solution changes from highly 
acidic to basic, the color changes 
from red to violet to green to 

yellow. Predicting Would the 
yellow solution have a high or 
low pH? 
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The steps in a neutralization reaction are as follows. 

1. A measured volume of an acid solution of unknown concentration is 

added to a flask. 

2. Several drops of the indicator are added to the solution while the 

flask is gently swirled. 

3. Measured volumes of a base of known concentration are mixed into 

the acid until the indicator just barely changes color. 

The process of adding a known amount of solution of known concentra¬ 

tion to determine the concentration of another solution is called titration. 

The solution of known concentration is called the standard solution. Use a 

buret to add the standard solution. A titration is continued until the indica¬ 

tor shows that neutralization has just occurred. The point at which the 

indicator changes color is the end point of the titration. The titration of an 

acid of unknown concentration with a standard base is shown in 

Figure 19.22. You can use a similar procedure to find the concentration of a 

base using a standard acid. 

Figure 19.23 shows how the pH of a solution changes during the titra¬ 

tion of a strong acid (HC1) with a strong base (NaOH). The pH of the initial 

acid solution is low. As the base is added, the pH increases because some of 

the acid is neutralized. As the titration approaches the point of neutraliza¬ 

tion, at a pH of 7, the pH increases dramatically as hydrogen ions are used 

up. Once past the point of neutralization, additional base produces a fur¬ 

ther increase of pH. <T^ The point of neutralization is the end point of the 

titration. At this point, the contents of the beaker consist of only H20 and 

NaCl, which is the salt derived from the strong acid HC1 and the strong base 

NaOH, plus a trace of indicator. 

Figure 19.22 The titration of 
an acid with a base is shown 

here. © A known volume of an 
acid (plus a few drops of 

phenolphthalein indicator) in a 

flask is placed beneath a buret 

filled with a base of known 

concentration. © Base is slowly 

added from the buret to the acid 

while the flask is gently swirled. 
© A change in the color of the 

indicator signals that 
neutralization has occurred. 

Textbook 

Simulation 26 Simulate the 
titration of several acids and 
bases and observe patterns in 
the pH at equivalence. 

--with ChemASAP 

Figure 19.23 In this titration of a 
strong acid with a strong base, 
0.10M NaOH is slowly added 

from a buret to 50.0 mL of 
0.10M HCI in the beaker. The 

equivalence point, the midpoint 
on the vertical portion of the pH 

titration curve, occurs at 50.0 mL 
of NaOH added. Interpreting 
Diagrams What is true con¬ 

cerning [H+] and [OH ] at the 
equivalence point? 
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SAMPLE PROBLEM 19.7 

__ Handbook 

For help with dimensional 

analysis, go to page R66. 

Determining the Concentration of an Acid by Titration 

A 25-rriL solution of H2S04 is completely neutralized by 18 mL of 

l.OMNaOH. What is the concentration of the H2S04 solution? 

Analyze List the knowns and the unknown. 

Knowns 

• molarity base = l.OMNaOH • volume base = 18 mL = 0.018 L 

• volume acid = 25 mL = 0.025 L 

®H2SO 4(aq) + 2NaOH {aq)->Na2S04(a^) + 2HzO(Z) 

Unknown 

• molarity acid — ?MH2S04 

Use the molarity to convert the volume of base to moles of base. Use 

the mole ratio to find the number of moles of H2S04. Calculate the 

molarity by dividing the number of moles of H2S04 by the number of 

liters of H2S04. 

The conversion steps are as follows: 

L NaOH-> mol NaOH-> mol H2S04-> M H2S04 

Calculate Solve for the unknown. 

0.018 L-NaOfT X 
1.0 mohNaOH 

lUNaOH 
x 

1 mol H2S04 

2 rnolNaOll 
= 0.0090 mol H2S04 

_moles 0.0090 mol 
molarity = liters = 0.025 L = 036 M 

The [H2S04] is 0.36M. 

4 
@ 

r Jfcteractlw® 

Evaluate Does the result make sense? 

Because the volume of acid was greater than the volume of base, the 

concentration is less than 1.0M The answer has two significant figures. 

^Textbook 

Problem-Solving 19.33 

Solve Problem 33 with the help 

of an interactive guided tutorial. 

Practice Problems 

32. How many milliliters of 33. What is the molarity of H3P04 if 

0.45M HC1 will neutralize 15.0 mL is completely neutral- 

25.0 mL of LOOM KOH? izedby38.5 mLofO.lSOMNaOH? 

19.4 Section Assessment 

34. Key Concept What are the products of a 

reaction between an acid and a base? 

35. Key Concept What occurs at the endpoint of 

a titration? 

36. How many moles of HC1 are required to neutralize 

aqueous solutions of these bases? 

a. 2molNH3 b. 0.1 mol Ca(OH)2 

37. Write complete balanced equations for the 

following acid-base reactions? 

a. H2SOA[aq) + KOH[aq)-* 

b. H3PO4{cuf) + Ca(OLI)2(aq)-* 

c. 1 l.\03(ar/) + Mg(QII)2(uq)-» 

Connecting Concepts 

Types of Reactions Reread the information on types 

of chemical reactions in Section 11.2. Which type of 

reaction are all acid-base neutralizations? Explain 

your answer. 

@ 

r gfrferacfive 
^Textbook 

Assessment 19.4 Testyourselfon 

the concepts in Section 19.4. 

>_with ChemASAP 
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Small-Scale 
LAB 

Ionization Constants of Weak Acids 

Purpose 

To measure ionization constants of weak acids such as 

bromocresol green (BCG). 

Materials 

• ruler • reaction surface • pH buffer and BCG 

Procedure (P fsl □ 3 
1. On separate sheets of paper, draw two grids similar to 

the one below. Make each square 2 cm on each side. 

2. Place a reaction surface over one of the grids and place 

one drop of BCG in each square. 

An acid-base indicator is usually a weak acid with a char¬ 

acteristic color. Because bromcresol green is an acid, it is 

convenient to represent its rather complex formula as 

HBCG. HBCG ionizes in water according to the following 
3. Place one drop of pH buffer in each square correspond- equation. 

ing to its pH value. 

4. Use the second grid as a data table to record your 
HBCG + H20 = BCG" + H30+ 
(yellow) (blue) 

observations for each solution. 
The Ka expression is 

pH 

1 2 3 

4 
* 

, 

nVV 

:OR 
fftp5 

6 

CE 
7 tit**7 9 

1 

10 11 12 

Analyze 
Using your experimental data, record the answers to the 

following questions below your data table. 

1. What is the color of the lowest-pH solutions? 

2. What is the color of the highest-pH solutions? 

At which pH does the bromcresol green change from 

one color to the other? At which pH does an intermedi¬ 

ate color exist? 

I 

= [BCG"] X [H30^] 

[HBCG] 

When [BCG"] = [HBCG],/Ca = [H30+]. 

4. What color is the conjugate acid of BCG"? 

5. What color is the conjugate base of HBCG? 

6. What color is an equal mixture of the conjugate acid 

and conjugate base of bromcresol green? At what pH 

does this equal mixture occur? 

You're The Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Design It! Design and carry out an experiment to 

measure the Ka of several more acid-base indicators. 

Record the colors of the conjugate acids (low pH) and 

the conjugate bases (high pH). Determine the Ka for 

each acid. 

2. Analyze It! Explain in your own words how to measure 

the Ka of a colored acid-base indicator. Explain what 

you would do and how you would interpret your 

results. 

y 
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Salts in Solution 

Guide for Reading 

Key Concepts 
• When is the solution of a salt 

acidic or basic? 

• What are the components of a 

buffer? 

Vocabulary 
salt hydrolysis 

buffer 

buffer capacity 

Reading Strategy 
Predicting Based on what you 

have learned about acid-base 

neutralization reactions, predict 

the possible pH range of solutions 

of salts of strong acids and weak 

bases. Account for this pH range. 

Do the same for salts of weak acids 

and strong bases. 

Figure 19.24 The titration 
curve for a weak acid and a 

strong base is compared with 
the titration curve for a strong 
acid and a strong base. 

INTERPRETING GRAPHS 

a. Identify What is the pH of 
the eguivalence point of each 
titration? 

b. Describe Why is the same 
amount of base used in each 
titration? 

c. Apply Concepts Explain 

why the equivalence points of 
the two titrations are different. 

Connecting to Your World The pH inside most living cells 

is close to 7. Because the chemical processes of the cell are very sensitive 

to pH, even a slight change in pH can be harmful. 

Human blood, for example, is 

normally maintained at a pH very close to 

7.4. A person cannot survive for more 

than a few minutes if the blood pH 

drops to 6.8 or rises to 7.8. In this section, 

you will learn about chemical processes 

that ensure that the pH of blood is 

kept near 7.4. 

Salt Hydrolysis 
A salt consists of an anion from an acid and a cation from a base. It forms 

as a result of a neutralization reaction. Although solutions of many salts 

are neutral, some are acidic and others are basic. Solutions of sodium 

chloride and of potassium sulfate are neutral. A solution of ammonium 

chloride is acidic. A solution of sodium ethanoate (sodium acetate) is basic. 

Figure 19.24 shows a titration curve obtained by adding a solution of 

sodium hydroxide, a strong base, to a solution of ethanoic (acetic) acid, a 

weak acid. An aqueous solution of sodium ethanoate exists at the equiva¬ 

lence point. 

CH3COOH(agf) + NaOH(at/) -> CH3COONa(at7) + H20(Z) 
Ethanoic Sodium Sodium Water 

acid hydroxide ethanoate 

The pH at the equivalence point is 8.7—basic. 

Titrations of Weak Acid-Strong Base and Strong Acid-Strong Base 
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For a strong acid-strong base titration, the pFI at the equivalence point 

is 7, or neutral. This difference exists because some salts promote hydroly¬ 

sis. In salt hydrolysis, the cations or anions of a dissociated salt remove 

hydrogen ions from or donate hydrogen ions to water. Depending on the 

direction of the hydrogen-ion transfer, solutions containing hydrolyzing 

salts may be either acidic or basic. Hydrolyzing salts are usually derived 

from a strong acid and a weak base, or from a weak acid and a strong base. 

Sodium carbonate, washing soda, is the salt of the strong base sodium 

hydroxide and carbonic acid, a weak acid. Ammonium nitrate, used in fer¬ 

tilizers, is the salt of the weak base ammonia and nitric acid, a strong acid. 

Soap is the salt of a strong base, usually sodium hydroxide, and stearic acid, 

a weak acid present in fats. <T^ In general, salts that produce acidic solu¬ 

tions contain positive ions that release protons to water. Salts that produce 

basic solutions contain negative ions that attract protons from water. 

Sodium ethanoate (CH3COONa) is the salt of a weak acid (ethanoic 

acid, CH3COOH) and a strong base (sodium hydroxide, NaOH). In solution, 

the salt is completely ionized. 

CH3COONa(ag) --* CH3COO“(n<7) + Na+(aq) 

Sodium ethanoate Ethanoate ion Sodium ion 

The ethanoate ion is a Bronsted-Lowry base, which means it is a hydrogen- 

ion acceptor. It establishes an equilibrium with water, forming electrically neu¬ 

tral ethanoic acid and negative hydroxide ions. 

CH3COCT(at7) + H20(/) CH3COOH(ar7) + OH“(<2^) 
(hydrogen-ion (hydrogen-ion (makes the 

acceptor, Bronsted- donor, Bronsted- solution 

Lowry base) Lowry acid) basic) 

This process is called hydrolysis because it splits a hydrogen ion off a water mol¬ 

ecule. The resulting solution contains a hydroxide-ion concentration greater 

than the hydrogen-ion concentration. Thus the solution is basic. 

Ammonium chloride (NH4C1) is the salt of a strong acid (hydrochloric 

acid, HC1) and a weak base (ammonia, NH3). It is completely ionized in 

solution. 

NH4Cl(at7)-> NH4+ [aq] + Cl ~{aq) 

Figure 19.25 Vapors of the 
strong acid HCI(ag) and the weak 

base NH3(aq) combine to form 

the acidic white salt ammonium 
chloride (NH4CI). 

Figure 19.26 A few drops of 
universal indicator solution have 

been added to each of these 

0.10/W aqueous salt solutions. 
The color of the indicator shows 
the following. © Ammonium 
chloride (NH4CI), is acidic (pH 

about 5.3). © Sodium chloride 

(NaCI) is neutral (pH 7). 
Q Sodium ethanoate 
(CHjCOONa) is basic (pH 

about 8.7). 
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The ammonium ion (NH4+) is a strong enough acid to donate a hydrogen ion 

to a water molecule, although the equilibrium is strongly to the left. 

NH4+(ar?) + HzO(Z) NH3(ag) + H30 + (aq) 
(hydrogen-ion (hydrogen-ion (makes the 

donor, Bronsted- acceptor, Bronsted- solution 

Lowry acid) Lowry base) acidic) 

This process is also called hydrolysis. It results in the formation of ammonia 

molecules and hydronium (hydrogen) ions. The [H30+] is greater than the 

[OH']. Thus, a solution of ammonium chloride is acidic. To determine if a 

salt solution is acidic or basic, remember the following rules: 

Strong acid + Strong base-> Neutral solution 

Strong acid + Weak base-> Acidic solution 

Weak acid + Strong base-> Basic solution 

Word Origins 
Buffer comes from the Old 

English word buff, meaning 

"firmly or sturdily." A buffer 

solution resists changes in 

its pH even when acidic or 

basic solutions are added 

to it. What does it mean if 

authorities set up a buffer 

zone around a fire inves¬ 

tigation site? 

Figure 19.27 A buffer is a 
solution in which the pH remains 

relatively constant. © The 
indicator shows that the buffered 

solution on the left and the 
unbuffered solution on the right 

are basic—pH about 8. © After 
the addition of 1.0 mL of 0.01 M 
HCI solution, the pH of the 

buffered solution shows no 
visible change. The pH of the 

unbuffered solution, however, is 

now about 3 and the solution is 
acidic. 

Buffers 
The addition of 10 mL of 0.10M sodium hydroxide to 1 L of pure water 

increases the pH by 4.0 pH units (from 7.0 to 11.0). A solution containing 

0.20 mol/L each of ethanoic acid and sodium ethanoate has a pH of 4.76. 

When moderate amounts of either acid or base are added to this solution, 

however, the pH changes little. The addition of 10 mL of 0.10M sodium 

hydroxide to 1 L of this solution, for example, increases the pH by only 

0.01 pH unit, from 4.76 to 4.77. Figure 19.27 shows what happens when 

1.0 mL of 0.01MHC1 solution is added to an unbuffered solution. 

The solution of ethanoic acid and sodium ethanoate is an example of a 

typical buffer. A buffer is a solution in which the pH remains relatively con¬ 

stant when small amounts of acid or base are added. <T^ A buffer is a solu¬ 

tion of a weak acid and one of its salts, or a solution of a weak base and one of 

its salts. 

A buffer solution is better able to resist drastic changes in pH than is 

pure water. Figure 19.28 illustrates how a buffer works. Ethanoic acid 

(CH3COOH) and its anion (CH3COO“) act as reservoirs of neutralizing 

power. They react with any hydroxide ions or hydrogen ions added to the 

solution. For example, consider the buffer solution in which the sodium 

ethanoate (CH3COONa) is completely ionized. 

CH3COONa(a<7) -» CH3COO“(a^) + Na+{aq) 
Sodium Ethanoate Sodium 

ethanoate ion ion 

o © 

buffered unbuffered 

620 Chapter 19 



H+ OH- 
CH3COO" ch3cooh -- CHgcocr ch3cooh -- CH3COO" ch3cooh 

ch3cooh -— h+ + ch3coct CH3COOH + OH~ -► CH3COO" + H20 

When an acid is added to the solution, the ethanoate ions (CH3COO) act 

as a hydrogen-ion “sponge.” This creates ethanoic acid, which does not 

ionize extensively in water; thus the pH does not change appreciably. 

CH3COO-(ag) + H+{aq) CH3COOH(a^) 

Ethanoate Hydrogen Ethanoic acid 

ion ion 

A base is a source of hydroxide ions. When a base is added to the solution, 

the ethanoic acid and the hydroxide ions react to produce water and the 

ethanoate ion. 

CH3COOH(ag) + OH~(aq) CH3COO~(aq) + H20(Z) 

Ethanoic acid Hydroxide Ethanoate Water 

ion ion 

The ethanoate ion is not a strong enough base to accept hydrogen ions 

from water extensively. Again, the pH does not change very much. 

An ethanoate buffer solution cannot control the pH when too much 

acid is added, because no more ethanoate ions are present to accept 

hydrogen ions. The ethanoate buffer also becomes ineffective when too 

much base is added. Do you know why this is so? When too much base is 

added, no more ethanoic acid molecules are present to donate hydrogen 

ions. When too much acid or base is added, the buffer capacity of a solution 

is exceeded. The buffer capacity is the amount of acid or base that can be 

added to a buffer solution before a significant change in pH occurs. 

Two buffer systems are crucial in maintaining human blood pH within a 

very narrow range (pH 7.35-7.45). One is the carbonic acid-hydrogen carbo¬ 

nate buffer system. The other is the dihydrogen phosphate-monohydrogen 

phosphate buffer system. Table 19.10 lists several important buffer systems. 

Figure 19.28 The buffer 

described here is made of 

ethanoic acid (CH3COOH) and 

sodium ethanoate, which is 

the source of ethanoate ions 
(CH3COO ). To begin, the 

concentrations of ethanoic acid 

and ethanoate ions are equal. 

When either H+ or OH" is added, 

the buffer produces additional 

ethanoic acid or ethanoate ions. 

In both situations, the ratio of 
[CH3COOH] to [CH3COO"] and 

consequently, the pH, changes 

very little. 

Textbook 

Animation 26 Discover the 
chemistry behind buffer 
action. 

with ChemASAP 

Important Buffer Systems 

Buffer name Buffer species 

Buffer pH 

(components 0.1 M) 

Ethanoic acid-ethanoate ion CH3COOH/CH3COO 4.76 

Dihydrogen phosphate ion-hydrogenphosphate ion H2P047HP042" 7.20 

Carbonic acid-hydrogen carbonate ion 
(solution saturated with C02) 

H2C03/HC03" 6.46 

Ammonium ion-ammonia 
J 

nh4+/nh3 9.25 
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Using Equations to Illustrate the Action of a Buffer 

Show how the carbonic acid-hydrogen carbonate buffer can “mop 

up’’ added hydrogen ions and hydroxide ions. 

Analyze Identify the relevant concepts. 

The definition of a buffer, in terms of its 

ability to act as a reservoir of neutralizing 

power, should be illustrated. One compo¬ 

nent in a buffer can react with H+; this com¬ 

ponent is a proton acceptor. Another 

component can react with OH“; this compo¬ 

nent is a proton donor. 

Solve Apply concepts to this situation. 

The carbonic acid-hydrogen carbonate buff¬ 

er is a solution of carbonic acid (H2C03) and 

hydrogen carbonate ions (HC03_). When a 

base is added to this buffer, it reacts with 

H2C03 (a proton donor) to produce neutral 

water. The pH changes very little. 

fBUFFERED ■ 

hSPIRIM 
BO COATED BUFfEKD 

ASPIRIN TABLETS-32S rngw; 

H2CO 3(aq) + (OH ~)(aq) ‘2W3' 
Carbonic 

acid 

Hydroxide 

ion 

HC03-(a<7) + 

Hydrogen 

carbonate ion 

H20(Z) 

Water 

When an acid is added to the buffer, it reacts 

with HC03“ (a proton acceptor) to produce un¬ 

ionized carbonic acid. Again the pH changes 

very little. 

HC03“(a«7) + H+(aq) 

Hydrogen 

carbonate ion 

Hydrogen 

ion 

H2C03( acj) 

Carbonic 

acid 

Practice Problems 

38. Write reactions to show what happens when the 

following occur. 

a. Acid is added to a solution of HP042_. 

b. Base is added to a solution of H2P04“. 

39. Write an equation that shows what happens 

when acid is added to the ethanoic acid- 

ethanoate buffer. 

9 

r Afteractive 
^Textbook 

Problem-Solving 19.39 Solve 

Problem 39 with the help of an 

interactive guided tutorial. 

_with ChemASAP 

19.5 Section Assessment 

40. Key Concept What type of salt produces an 

acidic solution? A basic solution? 

41. Key Concept What substances are combined 

to make a buffer? 

42. Which of these salts would form an acidic 

aqueous solution? 

a. KC2H302 b. LiCl c. NaHC03 d. (NH4)2S04 

43. Using equations, show what happens when acid 

is added to an ammonium ion-ammonia buffer. 

What happens when base is added? 

Writing Activity 

Explanatory Paragraph To maintain a proper pH, 

your blood contains buffers. Research the buffer 

systems in your blood and write a paragraph on how 

one of them works. 

'■^Textbook 

Assessment 19.5 Test yourself on 

the concepts in Section 19.5. 

<-with ChemASAP 
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Technology 8c Society 

Rescuing Crumbling Books 

Millions of books printed since the mid-nineteenth 

century slowly decay as they sit on library shelves. 

The cause is the acidity of the paper, which comes 

from alum (aluminum sulfate), used to prevent inks 

from soaking into paper. Libraries around the world 

are working with chemists to find ways to remove 

the acid from these books. One such method 

involves placing a book in a vacuum chamber, 

removing all the moisture from the pages, and 

Deterioration The pages of this 

book are so fragile that they crumble 

at a touch. Deacidifying the paper 

will extend the life of the book. 

applying a gas to neutralize the acid. Inferring Why 

might a library decide to use the method shown below? 

Deacidification In the tank system above, 

many books are treated at the same time. 

The machine moves the books gently in 

deacidification fluid, bathing each page. 

After the fluid is pumped away, a vacuum 

dries the treated books. 

Restoration King James of England 

issued this charter to establish a 

colony in Virginia and find a 

water passage to the Pacific 

Ocean. It was severely damaged 

from prolonged exposure to 

moisture and a poor storage 

environment, after which 

chemists washed and 

deacidified each page. 
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CHAPTER 

19 Study Guide 

Key Concepts 

<T^ 19.1 Acid-Base Theories 

• Acids taste sour, bases taste bitter and feel 
slippery. Both are electrolytes and cause 
indicators to change colors. 

• In an aqueous solution, an Arrhenius acid 
yields hydrogen ions and an Arrhenius base 
yields hydroxide ions. 

• A Bronsted-Lowry acid is a hydrogen-ion 
donor; a Bronsted-Lowry base is a hydrogen- 
ion acceptor. 

• A Lewis acid is an electron-pair acceptor; a 
Lewis base is an electron-pair donor. 

19.2 Hydrogen Ions and Acidity 

• For an aqueous solution, the product of [H+] 
and [OH'] equals 1 X 10'14. 

• On the pH scale, 0 is strongly acidic, 7 is 
neutral, and 14 is strongly basic. 

• The acid and base form of an indicator have 
different colors in solution. 

<T^ 19.3 Strengths of Acids and Bases 

• The stronger an acid is, the larger its Ka value. 

• To find of a weak acid or Kh of a weak base, 
substitute the concentrations of the sub¬ 
stances into the equilibrium expression. 

19.4 Neutralization Reactions 

• An acid and a base react to produce a salt 
and water. 

• The point of neutralization is the endpoint of 
a titration. 

19.5 Salts in Solution 

• Salts that produce acidic solutions contain 
positive ions that release protons to water; 
salts that produce basic solutions have nega¬ 
tive ions that attract protons from water. 

• A buffer is a solution of a weak acid or weak 
base and one of its salts. 

Vocabulary 

• acid dissociation constant (X) 
(p. 607) 

• acidic solution (p. 595) 
• alkaline solution (p. 595) 
• amphoteric (p. 592) 
• base dissociation constant {Kh) 

(p. 608) 
• basic solution (p. 595) 
• buffers (p. 620) 
• buffer capacity (p. 621) 
• conjugate acid (p. 591) 

Key Equations 

• K^, = [H+] X [OH ] = 1.0 X 10'14 

• pH = -log[H+] 

Organizing Information 

conjugate acid-base pair (p. 591) 
conjugate base (p. 591) 
diprotic acid (p. 588) 
end point (p. 615) 
equivalence point (p. 613) 
hydronium ion (H30+) (p. 591) 
ion-product constant for water 
Xw) (p. 595) 
Lewis acid (p. 592) 
Lewis base (p. 592) 
monoprotic acids (p. 588) 
neutral solution (p. 595) 

neutralization reaction (p. 612) 
pH (p. 596) 
salt hydrolysis (p. 619) 
self-ionization (p. 594) 
standard solution (p. 615) 
strong acid (p. 605) 
strong base (p. 608) 
titration (p. 615) 
triprotic acid (p. 588) 
weak acid (p. 605) 
weak base (p. 608) 

• pOH = —log[OH~] 

. K = [H+][A~] 
[HA] 

Use these terms to construct a 
concept map that organizes the 
major ideas of this chapter. 

IMTSCM§LDW(I 
Textbook 

Concept Map 19 Create 
your Concept Map using 
the computer. 

_with ChemASAP 
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CHAPTER 

19 Assessment 

Reviewing Content 

19.1 Acid-Base Theories 

44. How did Arrhenius describe acids and bases? 

45. Classify each compound as an Arrhenius acid or 

an Arrhenius base. 

a. Ca(OH)2 b. HN03 c. KOH 

d. C2H5COOH e. HBr f. H2S04 

46. Write an equation for the dissociation of each 

compound in water. 

a. potassium hydroxide 

b. magnesium hydroxide 

47. Write balanced equations for the reaction of 

each metal with water. 

a. lithium b. barium 

48. Identify each reactant in the following equations 

as a hydrogen-ion donor (acid) or a hydrogen- 

ion acceptor (base). 

a. HN03 + H20-> H30+ + N03- 

b. CH3COOH + H20f=^H30+ + CH3COCT 

c. NH3 + H20 NH4+ + OH 

d. H20 + CH3COO" CH3COOH + OH- 

49. Label the conjugate acid-base pairs in each 

equation in Problem 48. 

50. What is a Lewis acid? A Lewis base? In what 

sense is the Lewis theory more general than the 

Arrhenius and Bronsted-Lowry theories? 

19.2 Hydrogen Ions and Acidity 

51. Write an equation showing the ionization of 

water. 

52. What are the concentrations of H+ and OH in 

pure water at 25°C? 

53. How is the pH of a solution calculated? 

54. Why is the pH of pure water at 25°C equal to 7.00? 

55. Calculate the pH for the following solutions and 

indicate whether each solution is acidic or basic. 

a. [H+] = 1 X 10-2M 

b. [OH-] - 1 X 1(T2M 

c. [OH-] = 1 X 10-8M 

56. What are the hydroxide-ion concentrations for 

solutions with the following pH values? 

a. 4.00 b. 8.00 c. 12.00 

57. Calculate the pH or [Hh] for each solution, 

a. [H+] = 2.4 X 10 ’6M b. pH = 13.20 

19.3 Strengths of Acids and Bases 

58. Identify each compound as a strong or weak 

acid or base. 

a. NaOH b. LIC1 c. NH3 d. H2S04 

59. Would a strong acid have a large or a small KJ 
Explain. 

60. Why are Mg(OH)2 and Ca(OH)2 considered to be 

strong bases even though their saturated solu¬ 

tions are only mildly basic? 

61. Write the expression for Ka for each acid. Assume 

only one hydrogen is ionized. 

a. HF b. H2C03 

19.4 Neutralization Reactions 

62. Write a general word equation for a neutraliza¬ 

tion reaction. 

63. Identify the products and write balanced equa¬ 

tions for each neutralization reaction. 

a. HN03(<2r7) + KOH(aqj-> 

b. HCl(a<7) + Ca(OH)2(ag)-» 

c. H2S04(a<7) + NaOH{aq)-> 

64. What is characteristic of the end point of a 

titration? 

65. What is the molarity of sodium hydroxide if 

20.0 mL of the solution is neutralized by each of 

the following LOOM solutions? 

a. 28.0 mL of HC1 

b. 17.4 mL of H3P04 

19.5 Salts in Solution 

66. What kinds of salts hydrolyze water? 

67. Write an equation showing why an aqueous 

solution of sodium hydrogen carbonate is basic. 

68. Explain why solutions of salts that hydrolyze 

water do not have a pH of 7. 

69. Predict whether an aqueous solution of each salt 

will be acidic, basic, or neutral. 

a. NaHC03 b. NH4N03 

c. KC1 cl. Na2C03 

e. Na2S04 f. NH4C1 

70. A buffered solution cannot absorb an unlimited 

amount of acid or base. Explain. 
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Assessment continued 

Understanding Concepts 

71. Is it possible to have a concentrated weak acid? 

Explain. 

72. Write equations showing that the hydrogen 

phosphate ion (HP042_) is amphoteric. 

73. ThepHofa0.50MHN02solutionis 1.83. What is 

the of this acid? 

74. Write the formula and name of the conjugate 

base of each Bronsted-Lowry acid. 

a. HC03 b. HI 

c. NH4+ d. H2S03 

75. Write the formula and name of the conjugate 

acid of each Bronsted-Lowry base. 

a. C102- b. H,P04- 

c. H20 d. NH3 

76. Calculate the [OH“] or pH of each solution. 

a. pH = 4.60 b. [OH ] = 1.8 X 10~2M 

c. pH = 9.30 d. [OH~] = 7.3 X 10^9M 

77. Write the three equations for the stepwise ion¬ 

ization of phosphoric acid. 

78. Use the Bronsted-Lowry and Lewis definitions 

of acids and bases to identify each reactant as an 

acid or a base. 

a. KOH + HBr-> KBr + LI20 

b. HC1 + H20-* Cl + HsO+ 

79. Write the formula for the conjugate base of each 

acid. 

a. H2S04 b. HCN 

c. H20 d. NH4+ 

80. Use the phosphate buffer (H2P04~/HP042-) to 

illustrate how a buffer system works. Show, by 

means of equations, how the pH of a solution 

can be kept almost constant when small 

amounts of acid or base are added. 

81. Write an equation for the reaction of each ant¬ 

acid with hydrochloric acid. 

a. magnesium hydroxide 

b. calcium carbonate 

c. aluminum hydroxide 

82. How would the equilibrium between hypochlor- 

ous acid and the hypochlorite ion be affected by 

the addition of each? 

HOC1 [aq) + OH~[aq) ^=±OC\~{aq) + H20(f) 

a. HC1 b. NaOH 

The following data were collected from a titra¬ 

tion of 50.00 mL of ethanoic acid (CH3COOH) of 

unknown concentration with O.lOOMNaOH. 

Plot these data (pH on the y-axis) to obtain a 

titration curve. 

Volume of 
NaOH (mL) 

Volume of 
pH NaOH (mL) pH 

0 50.00 8.73 

10.00 4.15 50.01 8.89 

25.00 4.76 51.00 11.00 
40.00 5.36 60.00 11.96 

49.00 6.45 75.00 12.30 

49.99 8.55 100.00 12.52 

a. What is the pH at the end point of this titra¬ 

tion? 

b. Use Figure 19.12 to identify one or more indi¬ 

cators that could be used to determine the 

end point in this titration. 

84. Write an equation to show that an aqueous solu¬ 

tion of sodium ethanoate will be basic. 

85. Arrange these solutions in order of decreasing 

acidity. 

a. O.lMNaOH 

b. 0.1MHC1 

c. 0.1M ammonium chloride 

d. O.lMsodium ethanoate 

86. The graph shows the number of millimoles 

(mmol) of water formed by the drop-by-drop 

addition of 1.0MHC1 to a 25.0-mL sample of 

NaOH of unknown concentration. 

Millimoles of Water vs. Volume of 1,0/W HCI 
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a. Write an equation for the reaction. 

b. Estimate the concentration of the NaOH. 



Critical Thinking Concept Challenge 

87. Arrhenius, Bronsted-Lowry, and Lewis all devel¬ 

oped theories to explain acids and bases. 

a. Which theory is easiest for you to understand? 

b. How can all three theories be accepted by 

chemists? 

88. Demonstrate the relationship pH + pOH j§= 14. 

{Hint: Use the expression for Kv„) 

89. Which quantity might correspond to the y-axis 

on this graph: [H+], pH, [OH~], or pOH? Explain. 

90. The following equilibria are involved in the solu¬ 

bility of carbon dioxide in water. 

C02(g)^^C02(aq) 
CO2{aq) + H20(Z) U2C03{aq) 

H2C03{aq) ^=±H+{aq) + HCO3~{aq) 

HC03{aq) ^=^H+(a^) + CO 3~{aq) 

If sea water is slightly alkaline, would you expect 

the concentration of dissolved C02 to be higher 

or lower than in pure water? Explain. 

91. Critique the accuracy of each of these statements. 

a. Indicators such as methyl red provide accu¬ 

rate and precise measurements of pH. 

b. According to the Arrhenius definition of acids 

and bases, ammonia qualifies as a base. 

c. The strength of an acid or base changes as its 

concentration changes. 

92. The hydrogen carbonate ion-carbonic acid 

buffer system is an important buffer system in 

the blood. This system is represented by the 

following equation. 

H20(Z) + C02(g) H2CO3{aq) =± 

}\+{aq) + HCO 3~{aq) 

Explain how abnormal breathing patterns can 

lead to acid-base imbalances in the blood that 

are called respiratory acidosis (abnormally low 

pH) and respiratory alkalosis (abnormally high 

pH). Too-rapid and too-deep breathing also lead 

to respiratory alkalosis. Explain. 

93. Calculate the pH of a 0.010M solution of sodium 

cyanide (NaCN). The Kb of CN" is 2.1 X 10“5. 

94. Show that for any conjugate acid-base pair 

K x Kb = Kw. 

95. The Kw of water varies with temperature, as 

indicated in the table below. 

Temperature (°C) /Cw PH 

0 1.137 X 10~15 a. 

10 2.917 X 10“15 b. 

20 6.807 X 10-15 c. 

30 1.469 X 10~14 d. 

40 2.917 X 10“14 e. 

50 5.470 X 10“14 f. 

a. Find the pH of water for each temperature in 

the table. Use these data to prepare a graph of 

pH versus temperature. 

b. Using your graph, estimate the pH of water at 

5°C. 

c. At what temperature is the pH of water 

approximately 6.85? 

96. Use the cyanate buffer HOCN/OCN” to illus¬ 

trate how a buffer system works. Show, by means 

of equations, how the pH of a solution can be 

kept almost constant when small amounts of 

acid or base are added. 

97. Suppose you slowly add O.lMNaOH to 50.0 mL 

of 0.1MHC1. What volume of NaOH must be 

added for the resulting solution to become neu¬ 

tral? Explain your reasoning. 

98. What is the molarity of an H2S04 solution if 

80.0 mL of the solution reacts completely with 

0.424 g Na2C03? 

H2S04(aq) + Na2C03 (aq)-> 

H20(Z) + CO 2{aq) + Na2S04(ag) 

99. Household bleach is a solution of sodium 

hypochlorite. It is considered a hazardous solu¬ 

tion because it is basic and because it contains 

the active bleaching ingredient, C1CT. What is 

the [OHH in an aqueous solution that is 5.0% 

NaCIO by mass? What is the pH of the solution? 

(The density of the solution is 1.0 g/mL and 

Ka = 3.5 x 10"8.) 
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CHAPTER 

19 Assessment continued 

Cumulative Review 

100. Write the product of each of these combination 
reactions. [Chapter 11) 
a. K(s) + 02(g)-> 
b. Ca(s) + S(s)-> 

c. F2(g) + Alts)-► 

101. How many grams of oxygen are needed to com¬ 
pletely burn 87.4 g of sulfur to form sulfur 
trioxide? [Chapter 12) 

S[s) + O 2[g)-> S03(g) 

102. Which state of matter is not part of the process 
of sublimation? [Chapter 13) 

103. State Dalton’s law of partial pressures. 
[Chapter 14) 

104. Which of these laws describes an inverse rela¬ 
tionship? [Chapter 14) 
a. Charles’ law 
b. Boyle’s law 
c. Gay-Lussac’s law 

105. Which has the largest particles, a solution, a 
colloid, or a suspension? [Chapter 15) 

106. Which of these is not an electrolyte? 
[Chapter 15) 
a. NaCl(/) b. KN02(a<7) c. Si02(s) d. NaCl(a^) 

107. What type of bond is responsible for water’s 
high surface tension? [Chapter 15) 

108. How many grams of potassium chloride are in 
45.0 mL of a 5.00% (by mass) solution? 
[Chapter 16) 

109. How would you prepare 400.0 mL of a 
0.680MKOH solution? [Chapter 16) 

110. How many liters of 8.0MHC1 are needed to 
prepare 1.50 L of 2.5MHC1? [Chapter 16) 

111. Which of these is an endothermic process? 
[Chapter 17) 
a. burning wax b. evaporating water 
c. melting wax d. roasting a marshmallow 

112. How many joules of heat are required to melt a 
55.0-g ice cube at 0°C? [Chapter 17) 

113. Make the following conversions. [Chapter 17) 
a. 34.5 cal to joules 
b. 250 Cal to kilojoules 
<;. 0.347 kj to calories 

114. The specific heat capacity of iron is 
0.46 J/(g-°C). How many kilojoules of energy 
are needed to raise the temperature of a 432-g 
iron bar 14°C? [Chapter 17) 

115. What must be true about the concentration of 
two ions if precipitation occurs when solutions 
of the two ions are mixed? [Chapter 18) 

116. Write an equilibrium-constant expression for 
each equation. [Chapter 18) 
a. 2COz(g) ?=±2CO(g) + 02(g) 
b. N2(g) + 3H2(g) ^ 2NH3(g) 

117. What is the equilibrium concentration of bar¬ 
ium ion in a 1.0-L saturated solution of barium 
carbonate to which 0.25 mol K2C03 has been 
added? [Chapter 18) 

118. In each pair, which has the higher entropy? 
[Chapter 18) 
a. NaCl(s) or NaCl(ar/)? 
b. C02(s) or C02(g)? 
c. hot water or cold water? 

119. How would each change affect the position of 
equilibrium of this reaction? [Chapter 18) 

2H 2(g) + 02(g) 2HzO(g) + heat 

a. increasing the pressure 
b. adding a catalyst 
c. increasing the concentration of H2(g) 
d. cooling the reaction mixture 
e. removing water vapor from the container 

120. For the reaction A(g) + B(g) + C(g)-> D(g) 
the following data were obtained at a constant 
temperature. From the data decide the kinetic 
order of reaction with respect to A, B, and C, 
and the overall order of reaction. [Chapter 18) 

Initial [A] 
(mol/L) 

Initial [B] 
(mol/L) 

Initial [C] 
(mol/L) 

Initial Rate 
(mol/L-min) 

0.0500 0.0500 0.0100 6.25 X 10“3 

0.1000 0.0500 0.0100 1.25 X 10 2 

0.1000 0.1000 0.0100 5.00 X 10“2 

0.0500 0.0500 0.0200 6.25 X 10^3 
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Standardized Test Prep 

Test-Taking Tip 

Eliminate Wrong Answers If you don't know 

which response is correct, start by eliminating 

those you know are wrong. If you can rule out 

some choices, you'll have fewer left to consider 

and you'll increase your chances of choosing the 

correct answer. 

Select the choice that best answers each question or 

completes each statement. 

1. An acid has a measured Ka of 3 X 10-6. 

a. The acid is a strong acid. 

b. An aqueous solution of the acid would have a 

pH < 7. 

c. The acid is a strong electrolyte. 

d. All of the above are correct. 

2. The pH of a sample of orange juice is 3.5. A 

sample of tomato juice has a pH of 4.5. Com¬ 

pared to the [H+] of orange juice, the [H+] of 

tomato juice is 

a. 1.0 times higher. b. 10 times lower, 

c. 10 times higher. d. 1.0 times lower. 

3. Which species is the conjugate base of an 

ammonium ion, NH4+? 

a. H20 b. OH c. NH3 d. H30+ 

4. How many moles of NaOH are required to neu¬ 

tralize 2.4 mol H2S04? 

a. 1.2 mol b. 2.4 mol c. 3.6 mol d. 4.8 mol 

5. A solution with a hydrogen ion concentration of 

2.3 X lCT* 1 2 3 4 5 6 7 8Mhas a pH between 

a. 2 and 3. b. 3 and 4. c. 7 and 8. d. 8 and 9. 

6. The net ionic equation for the neutralization 

reaction between solutions of potassium 

hydroxide and hydrochloric acid is 

a. H+{aq) + OH~{aq)-* H20(Z). 

b. KOH(ag) + HC1 {aq)->U20{1) + KC1(aq). 

c. K+ {aq) + C\~{aq)->KC1 (aq). 

d. K + {aq) + OH Wag) + H+(ag) + Cl {aq)-> 

KCl(ag) + H20(Z). 

7. Calculate the molarity of an HC1 solution if 

25.0 mL of the solution is neutralized by 15.5 mL 

of 0.800M NaOH. 

a. 0.248M b. 0.496M c. 1.29M d. 0.645M 

8. Which combination of compound and ion 

would not make a useful buffer solution? 

a. ammonium ion and ammonia 

b. hydrogen carbonate ion and carbonic acid 

c. sulfate ion and sulfuric acid 

d. ethanoate ion and ethanoic acid 

The lettered choices below refer to Questions 9-11. A 

lettered choice may be used once, more than once, or 

not at all. 

(A) PQ (B) P2Q3 (C) PQ3 (D) P3Q (E) PQ2 

Which of the choices is the general formula for the salt 

formed in each of the following neutralization reac¬ 

tions? P is a cation; Q is an anion. 

9. H3P04 + NaOH-> 

10. H2S04 + Mg (OH) 2-> 

11. HN03 + Al(OH)3-> 

Use the drawings below to answer Questions 12 and 

13. Water molecules have been omitted from the 

solution windows. 

O Undissociated Conjugate Hydronium 
acid CJ base ion 

a. 4 - % 

b- + A 

c.J-9b 

12. Put the acids in order of increasing strength. 

13. How many of the acids are strong acids? 
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Rusting 
Materials 
fine sandpaper, 7 iron finishing nails (approximately 

6 cm long), paper towels, scissors, water, saucer, 

pliers, copper wire, zinc strip, petroleum jelly, 

table salt, plastic wrap 

Procedure £9 □ (SI 
1. Use sandpaper to polish seven nails. Wipe them 

clean with a paper towel. 

2. Place two wet paper towels on the saucer. 

3. Nail 1: Using pliers, bend into a U shape. Nail 2: 

Wrap one end with copper wire. Nail 3: Wrap one 

end with a strip of zinc. Nail 4: Cover the entire nail 

with a thin coat of petroleum jelly. Nail 5: Moisten 

with water and sprinkle with salt. Nail 6: Leave 

untreated. Nail 7: Leave untreated. 

4. Place nails 1 through 6 on the wet paper towel. 

Make sure the nails do not touch. Cover them with 

a piece of plastic wrap. Place nail 7 (the control) on 

top of the plastic wrap. During a 24-hour period, 

record your observations in a table. 

Think About It 
1. What changes took place with the nails over 

24 hours? 

2. How can you account for these changes? 

3. How can you account for differences in the 

appearance of the nails after 24 hours? 



20.1 The Meaning of Oxidation and Reduction 

Connecting to Your World n . , ,, 
During winter in cold 

climates, salt is often spread on roads to lower the freezing point of 
water and thereby prevent the buildup of slippery ice. Salt may 

make driving safer, but the salt that clings to 

the metallic parts of cars can cause them 

to corrode or rust relatively quickly. 
This corrosion is one example of a 

chemical reaction called oxidation- 

reduction. In this section, you will learn 

about oxidation-reduction reactions. 

Guide for Reading 

Key Concepts 
• How is the gain or loss of 

oxygen in a chemical reaction 

linked to oxidation and 

reduction? 

• How is the gain or loss of 

electrons linked to oxidation 

and reduction? 

• What happens to iron when 

it corrodes? 

Vocabulary 
oxidation-reduction reactions 

redox reactions 

oxidation 

reduction 

reducing agent 

oxidizing agent 

Reading Strategy 
Comparing and Contrasting As 

you read, compare the older defi¬ 

nitions of oxidation and reduction 

with the current definitions. 

Figure 20.1 A Bunsen burner 

oxidizes the methane in 
natural gas to carbon dioxide 
and water. CH4(g) 202(g) CO 2(g) 2H20 (g) 

What Are Oxidation and Reduction? 
The combustion of gasoline in an automobile engine and the burning of 

wood in a fireplace are reactions that require oxygen as they release energy. 

The reactions that break down food in your body and release energy use 

oxygen from the air you breathe. 

Oxygen and Redox Early chemists saw oxidation only as the combina¬ 

tion of an element with oxygen to produce an oxide. The burning of a fuel is 

also an oxidation reaction that uses oxygen. For example, when methane 

(CH4), the main component of natural gas, burns in air, it oxidizes and 

forms oxides of carbon and hydrogen, as shown in Figure 20.1. One oxide of 

carbon is carbon dioxide, C02. 

Not all oxidation processes that use oxygen involve burning. For example, 

when elemental iron turns to rust, it slowly oxidizes to compounds such as 

iron(III) oxide (Fe203). Bleaching stains in fabrics is an example of oxidation 

that does not involve burning. Common liquid household bleach contains 

sodium hypochlorite (NaCIO), a substance that releases oxygen, which oxi¬ 

dizes stains to a colorless form. Powder bleaches may contain calcium 

hypochlorite (Ca(C10)2), sodium perborate (NaB03), or sodium percarbonate 

(2Na2C03 • 3H202). Hydrogen peroxide (H202) also releases oxygen 

when it decomposes. It is both a bleach and a mild 

antiseptic that kills bacteria by 

oxidizing them. 
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Figure 20.2 When charcoal, 

which is mostly carbon, is burned 
in air, carbon dioxide and heat 
are produced. 

C(s) + O 2(g) -» CO 2(g) 

The oxide of hydrogen is water, H20. Charcoal, shown in Figure 20.2, 

also oxidizes when it burns, forming C02. 

A process called reduction is the opposite of oxidation. Originally, 

reduction meant the loss of oxygen from a compound. The reduction of 

iron ore to metallic iron involves the removal of oxygen from iron(III) oxide. 

The reduction is accomplished by heating the ore with carbon, usually in 

the form of coke. The equation for the reduction of iron ore is shown below. 

2Fe203(.s) + 3C(s) -4Fe(s) + 3C02(g) 

Iron (III) Carbon Iron Carbon 
oxide dioxide 

The reduction of iron also includes an oxidation process. As iron(III) 

oxide is reduced to iron by losing oxygen, carbon oxidizes to carbon dioxide 

by gaining oxygen. Oxidation and reduction always occur simultaneously. 

The substance gaining oxygen is oxidized, while the substance losing 

oxygen is reduced. No oxidation occurs without reduction, and no reduction 

occurs without oxidation. Reactions that involve these processes are there¬ 

fore called oxidation-reduction reactions. Oxidation-reduction reactions 

are also known as redox reactions. 

(^Checkpoint ] What is another name for redox reactions? 

Figure 20.3 When items made 

of iron are exposed to moist air, 
the Fe atoms react with 02 

molecules. The iron rusts; it is 

oxidized to compounds such as 
iron(lll) oxide (Fe203). 

■> 
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Electron Shift in Redox Reactions The modern concepts of oxidation 

and reduction have been extended to include many reactions that do not 

even involve oxygen. You learned in Chapter 6 that, with the exception of flu¬ 

orine, oxygen is the most electronegative element. As a result, when oxygen 

bonds with an atom of a different element (other than fluorine), electrons 

from that atom shift toward oxygen. Redox reactions are currently understood 

to involve any shift of electrons between reactants. Oxidation is now defined 

to mean complete or partial loss of electrons or gain of oxygen. Reduction is 

now defined to mean complete or partial gain of electrons or loss of oxygen. 

Oxidation Reduction 

Loss of electrons Gain of electrons 

Gain of oxygen Loss of oxygen 

Redox Reactions That Form Ions During a reaction between a metal 

and a nonmetal, electrons are transferred from atoms of the metal to atoms 

of the nonmetal. For example, when magnesium metal is heated with the 

nonmetal sulfur, the ionic compound magnesium sulfide is produced as 

shown in Figure 20.4. Two electrons are transferred from a magnesium atom 

to a sulfur atom. The magnesium atoms become more stable by the loss of 

electrons. The sulfur atoms become more stable by the gain of electrons. 

Word Origins 
Reduction comes from the 

Latin word reducere, meaning 

"to lead back." Reduction of 

metal oxides by the removal 

of oxygen leads to a smaller 

mass of the metal compared 

to the original metal oxide. 

Sometimes when a company 

reorganizes, it undergoes a 

"reduction in force." What 

does this mean? 

•Mg'- + S; -> Mg2' + :S;2~ 

Magnesium Sulfur Magnesium Sulfide 
atom atom ion ion 

Because it loses electrons, the magnesium atom is said to be oxidized to a 

magnesium ion. Simultaneously, the sulfur atom gains two electrons and is 

reduced to a sulfide ion. The overall process is represented as the two com¬ 

ponent processes below. 

Oxidation: Mg--» Mg2+ + 2e~ (loss of electrons) 

Reduction: -S-+ 2e~-» :S:2_ (gain of electrons) 

Figure 20.4 When 

magnesium and sulfur are 

heated together, they undergo 
an oxidation-reduction 

reaction to form magnesium 

sulfide. Applying Concepts 
Where did the electrons lost 
by magnesium go? 

Magnesium (ribbon) Sulfur 

Mg(s) + S (s) Heat> MgS(s) 

Magnesium sulfide 
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Losing electrons is oxidation. Gaining electrons is reduction. The 

substance that loses electrons is called the reducing agent. By losing elec¬ 

trons to sulfur, magnesium reduces the sulfur. Magnesium is thus the 

reducing agent. The substance that accepts electrons is called the oxidizing 

agent. By accepting electrons from magnesium, sulfur oxidizes the magne¬ 

sium. Sulfur is the oxidizing agent. Another way of identifying oxidizing 

and reducing agents is to remember that the species that is reduced is the 

oxidizing agent and the species oxidized is the reducing agent. 

oxidized 

Mg(s) + S(s) -> MgS(s) 

reduced 

Magnesium Sulfur Magnesium 
(reducing (oxidizing sulfide 

agent) agent) 

You might find it helpful to use the following mnemonic device to remem¬ 

ber the definitions of oxidation and reduction: “LEO the lion goes GER." 

LEO stands for Losing Electrons is Oxidation; GER stands for Gaining Elec¬ 

trons is Reduction. 

CONCEPTUAL PROBLEM 20.1 
wtkBP—____— 

identifying Oxidized and Reduced Reactants 
Silver nitrate reacts with copper to form copper nitrate and silver. 

From the equation below, determine what is oxidized and what is 

reduced. Identify the oxidizing agent and the reducing agent. 

2AgNO 3{aq) + Cu(s)-> Cu(N03)2(a<7) + 2Ag(s) 

Analyze Identify the relevant concepts. 

The species that loses electrons is oxidized and 

is the reducing agent. The species that gains 

electrons is reduced and is the oxidizing agent. 

Solve Apply concepts to this situation. 

Rewrite the equation in ionic form. It is then 

easier to analyze the reaction. 

2Ag+ + 2N03- + Cu -—> Cu2+ + 2N03- + 2Ag 

In this reaction, two electrons are lost from a 

copper atom (Cu) when it becomes a Cu2+ ion. 

These electrons are gained by two silver ions 

(Ag+), which become neutral silver atoms. 

Oxidation: Cu-> Cu2+ + 2<? (loss of electrons) 

Reduction: 2Ag+ + 2<? -> 2Ag (gain of electrons) 

The Cu is the reducing agent. The Ag+ is the 

oxidizing agent. 

Practice Problems 

1. Determine what is oxidized and what is reduced 

in each reaction. Identify the oxidizing agent and 

reducing agent in each case. 

a. 2Na(s) + S(s) ——>Na2S(s) 

b. 4Al(s) + 302(g)-» 2Al203(s) 

2. Identify these processes as either oxidation 

or reduction. 

a. 21“->I2 + 2e“ b. Zn2++ 2e“->Zn 

item 
Textbook 

Problem-Solving 20.1 Solve 
Problem 1 with the help of an 
interactive guided tutorial. 

with ChemASAP 
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Table 20.1 

Processes Leading to Oxidation and Reduction 

Oxidation Reduction 

Complete loss of electrons 
(ionic reactions) 

Complete gain of electrons 
(ionic reactions) 

Shift of electrons away from 
an atom in a covalent bond 

Shift of electrons toward 
an atom in a covalent bond 

Gain of oxygen Loss of oxygen 

Loss of hydrogen by a 
covalent compound 

Gain of hydrogen by a 
covalent compound 

Increase in oxidation number Decrease in oxidation number 

C Go inline 
-®°SC/«5 

For: Links on Oxidation 
and Reduction 

Visit: www.SciLinks.org 
Web Code: cdn-1202 

Redox With Covalent Compounds When a metal and a nonmetal 

react and form ions, it is easy to identify complete transfers of electrons. 

But some reactions involve covalent compounds, that is, compounds in 

which complete electron transfer does not occur. One such example is the 

reaction of hydrogen with oxygen. 

2H2(g) + 02(g)-> 2H20(Z) 

Consider what happens to the bonding electrons in the formation of a 

water molecule. In each reactant hydrogen molecule, the bonding elec¬ 

trons are shared equally between the hydrogen atoms. In water, however, 

the bonding electrons are pulled toward oxygen because it is much more 

electronegative than hydrogen. The result is a shift of bonding electrons 

away from hydrogen, even though there is not a complete transfer. Hydro¬ 

gen is oxidized because it undergoes a partial loss of electrons. 

In oxygen, the other reactant, the bonding electrons are shared equally 

between oxygen atoms in the reactant oxygen molecule. However,' when 

oxygen bonds to hydrogen in the water molecule, there is a shift of electrons 

toward oxygen. Oxygen is thus reduced because it undergoes a partial gain 

of electrons. 

H-H 
electrons 
shared 
equally 

o-o 
electrons 
shared 
equally 

H-> 

H—O shift of bonding 
electrons away 

H from hydrogen and 
toward oxygen 

In the reaction of hydrogen and oxygen to produce water, hydrogen is the 

reducing agent because it is oxidized. Oxygen is the oxidizing agent 

because it is reduced. This redox reaction is highly exothermic—that is, it 

releases a great deal of energy, as shown in Figure 20.5. 

In some reactions involving covalent reactants or products, the partial 

electron shifts are less obvious. Some general guidelines are thus helpful. 

For example, for carbon compounds, the addition of oxygen or the removal 

of hydrogen is always oxidation. Table 20.1 above lists processes that consti¬ 

tute oxidation and reduction. The last entry in the table refers to oxidation 

numbers which are introduced in Section 20.2. 

Figure 20.5 This welder is using 

an oxyhydrogen torch to cut and 

weld steel. When hydrogen 
burns in oxygen, the redox 

reaction generates temperatures 

of about 2600°C. 



Figure 20.6 Oxidation- 
reduction reactions cause 

corrosion. The copper on this 
roof reacted with water vapor, 
carbon dioxide, and other 
substances in the air to form a 

patina. This patina consists of 
a pale-green film of basic 

copper(ll) carbonate. Because 
patinas enhance the surface 

appearance of objects, they are 
valued by architects and artists. 

Corrosion 
Billions of dollars are spent yearly to prevent and to repair damage caused 

by the corrosion of metals. Iron, a common construction metal often 

used in the form of the alloy steel, corrodes by being oxidized to ions of iron by 

oxygen. Water in the environment accelerates the rate of corrosion. Oxygen, 

the oxidizing agent, is reduced to oxide ions (in compounds such as Fe203) 

or to hydroxide ions. The following equations describe the corrosion of iron 

to iron hydroxides in moist conditions. 

2Fe(s) + 02(g) + 2HzO(Z)-> 2Fe(OFl)2(s) 

4Fe(OH)2(s) + 02(g) + 2HzO(Z)-*4Fe(OH)3(s) 

Corrosion occurs more rapidly in the presence of salts and acids. These 

substances produce electrically conducting solutions that make electron 

transfer easier. The corrosion of some metals can be a desirable feature, as 

Figure 20.6 shows. 

Resistance to Corrosion Not all metals corrode easily. Gold and plati¬ 

num are called noble metals because they are very resistant to losing their 

electrons by corrosion. Other metals lose electrons easily but are protected 

from extensive corrosion by the oxide coating formed on their surface. For 

example, aluminum oxidizes quickly in air to form a coating of very tightly 

packed aluminum oxide particles. This coating protects the aluminum 

object from further corrosion, as shown in Figure 20.7. Iron also forms a 

coating when it corrodes, but the coating of iron oxide that forms is not 

Figure 20 7 Oxidation causes tightly packed. Water and air can penetrate the coating and attack the iron 

the complete corrosion of some metal below it. The corrosion continues until the iron object becomes only 

metals. 0 Iron reacts with water a pile of rust, 

and oxygen to form iron(lll) 
oxide, or rust. © Aluminum, 

however, resists such corrosion 

because it forms a protective 
coating of aluminum oxide. 

Applying Concepts How does 
the aluminum oxide on alumi¬ 
num differ from the iron(lll) 

oxide formed on corroding iron? 

Iron(lll) 
oxide 

Aluminum 
oxide 

Oxygen Oxygen 

C Go inline 
>SC//NKS 

For: Links on Corrosion 
Visit: www.SciLinks.org 
Web Code: cdn-1201 
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Controlling Corrosion The corrosion of objects such as shovels or 

knives is a common problem but not usually a serious one. In contrast, the 

corrosion of a steel support pillar of a bridge, as in Figure 20.8, or the hull of 

an oil tanker is much more serious and costly. To prevent corrosion in such 

cases, the metal surface may be coated with oil, paint, plastic, or another 

metal, as shown in Figure 20.9. These coatings exclude air and water from 

the surface, thus preventing corrosion. If the coating is scratched or worn 

away, however, the exposed metal will begin to corrode. 

In another method of corrosion control, one metal is “sacrificed,” or 

allowed to corrode, in order to save a second metal. For example, to protect an 

iron object, a piece of magnesium (or another active metal) may be placed 

in electrical contact with the iron. When oxygen and water attack the iron 

object, the iron atoms lose electrons as the iron begins to be oxidized. 

However, because magnesium is a better reducing agent than iron, the 

magnesium immediately transfers electrons to the iron atoms, preventing 

their oxidation. 

Figure 20.8 Bridges like this 
one become unsafe because 
of corrosion. 

Figure 20.9 Painting a surface 
(left) protects it from the effects 

of the environment. Chromium 
metal also serves as a protective 
coating and imparts an attractive, 

mirrorlike finish (right). Like 
aluminum, chromium forms a 

corrosion-resistant oxide film on 
its surface. 
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Figure 20.10 Zinc blocks, 
the white rectangles in the 
photograph, are attached to 

the steel (iron) hull of this ship. 
The zinc blocks oxidize (corrode) 
instead of the iron, preventing 

the hull from corroding. 

Sacrificial zinc and magnesium blocks are sometimes attached to piers 

and ship hulls to prevent corrosion damage in areas submerged in water. 

Figure 20.10 shows zinc blocks attached to the steel hull of a ship. The 

blocks corrode instead of the iron. Underground pipelines and storage 

tanks may be connected to magnesium blocks for protection. It is easier 

and cheaper to replace a block of magnesium or zinc than to replace a 

bridge or a pipeline. 

(^Checkpoint) What are two ways to control corrosion? 

20.1 Section Assessment 

3. Key Concept Define oxidation and reduction 

in terms of the gain or loss of oxygen. 

4. <T^ Key Concept Define oxidation and reduction 

in terms of the gain or loss of electrons. 

5. Key Concept What happens to the atoms in 

an iron nail that corrodes? 

6. How do you identify the oxidizing agent and the 

reducing agent in a redox reaction? 

7. Use electron transfer or electron shift to identify 

what is oxidized and what is reduced in each 

reaction. Use the electronegativity values in 

Table 6.2 in Chapter 6, for molecular compounds. 

a. 2Na(s) + Er2(Z)-> 2NaBr(s) 

b. H2(g) + Cl2(g)->2HGl(g) 

c. 2Li(s) + F2(g) —>2LiF(5) 

d. S(s) + Cl2(g)->SCl2(g) 

e. N2(g) + 202(g)->2N02(g) 

f. Mg(s) + Cu(N03)2(ur/)-> Mg(N03)2(«c/) + Cu(s) 

8. Identify the reducing agent and the oxidizing 

agent for each reaction in Problem 7. 

Writing Activity 

Write a Report Shipwrecks of Spanish galleons 

sometimes contain gold or silver treasures. Why is the 

recovered gold hardly ever changed while the silver 
has turned black? Research and write a report on 

how the thick layers of tarnish are removed from the 
silver artifacts. 

© 

^Textbook 

Assessment 20.1 Check your 
understanding of the important 
ideas and concepts in Section 20.1. 

— .. with ChemASAP 
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20.2 Oxidation Numbers 

Connecting to Your World The bursts of bright white |ight 

produced by fireworks are the result of metals being burned. Powdered or 

flaked aluminum or magnesium are included in the fireworks. When these 

metals are heated to high temperatures in the 

explosion, they burn with an intense 

white light.The fireworks shown here 

are called stars. As elements burn, 

their oxidation numbers change. In 

this section, you will learn about 

how oxidation and reduction are 

defined in terms of a change in 

oxidation number. 

Guide for Reading 

Key Concepts 
• What is the general rule for 

assigning oxidation numbers? 

• How are oxidation and 

reduction defined in terms of a 

change in oxidation number? 

Vocabulary 
oxidation number 

Reading Strategy 
Using Prior Knowledge 
Before you read, predict how 

oxidation and reduction affect 

the charge on an ion. Check 

your predictions as you read. 

Assigning Oxidation Numbers 
An oxidation number is a positive or negative number assigned to an atom to 

indicate its degree of oxidation or reduction. As a general rule, a bonded 

atom’s oxidation number is the charge that it would have if the electrons in 

the bond were assigned to the atom of the more electronegative element. The 

following set of rules should help you determine oxidation numbers. 

Rules for Assigning Oxidation Numbers 

1. The oxidation number of a monatomic ion 

is equal in magnitude and sign to its ionic 

charge. For example, the oxidation number 

of the bromide ion (Br1 2 3') is — 1; that of the 

Fe3+ ion is +3. 

2. The oxidation number of hydrogen in a 

compound is +1, except in metal hydrides, 

such as NaFl, where it is — 1. 

3. The oxidation number of oxygen in a com¬ 

pound is -2, except in peroxides, such as 

FFjOj, where it is — 1, and in compounds with 

the more electronegative fluorine, where it 

is positive. 

4. The oxidation number of an atom in uncom¬ 

bined (elemental) form is 0. For example, the 

oxidation number of the potassium atoms in 

potassium metal (K) or of the nitrogen atoms 

in nitrogen gas (N2) is 0. 

5. For any neutral compound, the sum of the 

oxidation numbers of the atoms in the 

compound must equal 0. 

6. For a polyatomic ion, the sum of the oxida¬ 

tion numbers must equal the ionic charge 

of the ion. 
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Figure 20.11 The oxidation 
number of any element in the 
free or uncombined state is zero. 

The elements shown here (left 
to right) are white phosphorus 
(stored under water), sulfur, 

potassium (stored under oil), 
carbon, and bromine (liquid and 
vapor). The potassium and 

phosphorus are stored under a 
liquid to prevent them from 
reacting with oxygen in the air. 

Figure 20.12 Yellow potassium 
chromate (K2Cr04) and green 

chromium(lll) oxide (Cr203) both 
are compounds of chromium. 

Inferring What is the oxidation 
number of chromium in each 

compound? 

640 Chapter 20 

In binary ionic compounds, such as NaCl and CaCl2, the oxidation 

numbers of the atoms equal their ionic charges (Rule 1). The compound 

sodium chloride is composed of sodium ions (Na1+) and chloride ions 

(Cl1-). Thus the oxidation number of sodium is +1, and that of chlorine is 

— 1. Notice that the sign is put before the oxidation number. 

Because water is a molecular compound, no ionic charges are associ¬ 

ated with its atoms. However, oxygen is reduced in the formation of water. 

Oxygen is more electronegative than hydrogen. So, in water, the two shared 

electrons in the H—O bond are shifted toward oxygen and away from 

hydrogen. Imagine that the electrons contributed by the two hydrogen 

atoms are completely transferred to the oxygen. The charges that would 

result from this transfer are the oxidation numbers of the bonded ele¬ 

ments. The oxidation number of oxygen is —2, and the oxidation number 

of each hydrogen is +1 (Rules 2 and 3). Oxidation numbers are often writ¬ 

ten above the chemical symbols in a formula. For example, water can be 

represented as 

+1-2 

h2o 

Many elements can have several different oxidation numbers. Use 

rules 5 and 6 to determine the oxidation number of atoms of these ele¬ 

ments, plus other elements not covered in the first four rules. The sub¬ 

stances in Figure 20.12 are compounds of chromium, but chromium has a 

different oxidation number in each compound. 



Assigning Oxidation Numbers to Atoms 

What is the oxidation number of each kind of atom in the following 

ions and compounds? 

a. S02 b. C032- c. Na2S04 d. (NH4)2S 

Analyze Identify the relevant concepts. 

Use the set of rules you just learned to assign 

and calculate oxidation numbers. 

Solve Apply concepts to this situation. 

a. There are two oxygen atoms and the oxida¬ 

tion number of each oxygen is -2 (Rule 3). 

The sum of the oxidation numbers for the 

neutral compound must he 0 (Rule 5). There¬ 

fore, the oxidation number of sulfur is +4, 

because +4 + (2 X (-2)) = 0. 

+4-2 

S02 

b. The oxidation number of oxygen is -2 

(Rule 3). 

?—2 

C032- 

The sum of the oxidation numbers of the 

carbon and oxygen atoms must equal the 

ionic charge, -2 (Rule 6). The oxidation 

number of carbon must be +4, because 

+ 4 + (3 X (-2)) = -2. 

+4-2 

CO-2" 

c. The oxidation number of each sodium ion, 

Na+, is the same as its ionic charge, +1 

(Rule 1). The oxidation number of oxygen is 

-2 (Rule 3). 

+ 1 ?—2 

Na2S04 

For the sum of the oxidation numbers in the 

compound to be 0 (rule 5), the oxidation 

number of sulfur must be +6, because 

(2 X (+1)) + (+6) + (4 X (-2)) = 0. 

+1+6-2 

Na2S04 

d. Ammonium ions, NH4+, have an ionic charge of 

+1, so the sum of the oxidation numbers of the 

atoms in the ammonium ion must be +1. The 

oxidation number of hydrogen is +1 in this ion. 

? +1 

NH/ 

? + 4(+l) = +1 

So, the oxidation number of nitrogen must be 

-3 because -3 + (+4) = +1. 

Two ammonium ions have a total charge of 

+ 2. Since the compound (NH4)2S is neutral, 

sulfur must have a balancing oxidation 

number of -2. 

-3+1 -2 

(NH4)2S 

Practice Problems 

9. Determine the oxidation number of each 

element in the following, 

a. S203 b. Na2Oz c. P205 d. N®3“ 

10. Determine the oxidation number of chlorine 

in each of the following substances. 

a. KCIO3 b. Cl2 c. Ca(C104)2 d. C120 

Textbook 

Problem-Solving 20.9 Solve 
Problem 9 with the help of an 
interactive guided tutorial. 

_with ChemASAP 
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Figure 20.13 Copper reacts with 

silver nitrate. © A copper wire is 
placed in a silver nitrate solution. 
© Crystals of silver coat the wire 

and the solution slowly turns blue 
as a result of the formation 

of copper(ll) nitrate. Drawing 
Conclusions What change 
occurs in the oxidation number 

of silver? How does the oxida¬ 
tion number of copper change? 

Oxidation-Number Changes in Chemical 
Reactions 
Figure 20.13 shows what happens when copper wire is placed in a solution 

of silver nitrate. In this reaction, the oxidation number of silver decreases 

from +1 to 0 as each silver ion (Ag1+) gains an electron and is reduced to 

silver metal (Ag°). Copper’s oxidation number increases from 0 to +2 as 

each atom of copper metal (Cu°) loses two electrons and is oxidized to a 

copper(II) ion (Cu2+). Here is the equation with oxidation numbers added: 

+ 1+5-2 0 +2+5-2 0 

2AgN03(ar7) + Cu(s) -> Cu(NO3)2(aq) + 2Ag(s) 

Figure 20.14 illustrates a redox reaction that shows what occurs when a 

shiny iron nail is dipped into a solution of copper(II) sulfate. 

You can define oxidation and reduction in terms of a change in oxida¬ 

tion number. An increase in the oxidation number of an atom or ion 

indicates oxidation. A decrease in the oxidation number of an atom or ion 

indicates reduction. 

o © 

Figure 20.14 A redox reaction 

occurs between iron and copper. 

© An iron nail is placed in a 
copper(ll) sulfate solution. © The 
iron reduces Cu2+ ions in solution 

and is simultaneously oxidized 
to Fe2+. The iron becomes coated 
with metallic copper. 
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Identifying Oxidized and Reduced Atoms 

Use changes in oxidation number to identify which atoms are oxidized 

and which are reduced in the following reaction. Also identify the 

oxidizing agent and the reducing agent. 

Cl2(g) + 2HBr (aq)-* 2HCl(aq) + Br2(7) 

Analyze Identify the relevant concepts. 

Use the rules to assign oxidation numbers to 

each atom in the equation. An increase in oxi¬ 

dation number indicates oxidation. A decrease 

in oxidation number indicates reduction. The 

substance that is oxidized in a redox reaction is 

die reducing agent. The substance that is 

reduced is the oxidizing agent. 

Solve Apply concepts to this situation. 

The element chlorine is reduced because its 

oxidation number decreases (0 to -1). The 

bromide ion from HBr[aq) is oxidized because 

its oxidation number increases (-1 to 0). Chlo¬ 

rine is reduced, so Cl2 is the oxidizing agent. 

The bromide ion from HBr (aq) is oxidized, so 

Br~ is the reducing agent. 
0 +1-1 

Cl2(g) + 2HBr (aq) 
+ 1-1 o 

-> 2HC1 (aq) + Br2(Z) 

Practice Problems 

11. Identify which atoms are oxidized and which are 

reduced in each reaction. 

a. 2H2(g) + 02(g)-» 2H20(Z) 

b. 2KN03Cs)-> 2KNOz(s) + 02(g) 

12. Identify the oxidizing agent and the reducing 

agent in each equation in Practice Problem 11. 

@ 

r dfrteractive 
^ Textbook 

Problem-Solving 20.11 Solve 
Problem 11 with the help of an 
interactive guided tutorial. 

_with ChemASAP 

20.2 Section Assessment 

13. Key Concept What is the general rule for 

assigning oxidation numbers? 

14. Key Concept How is a change in oxidation 

number related to the process of oxidation and 

reduction? 

15. Use the changes in oxidation numbers to identify 

which atoms are oxidized and which are reduced 

in each reaction. 

a. 2Na(s) + Cl2(g)-»2NaCl(s) 

b. 2HN03(o<7) + 6 HI (or/)->2NO(g)+ 3I2(s) + 4H20(/) 

16. Identify the oxidizing agent and the reducing agent 

in each reaction in Problem 15. 

Connecting Concepts 

Types of Reactions Reread Section 11.2 and iden¬ 

tify which of the five types of reactions are most likely 
redox reactions. 

© 

r CBCtiV® 
v Textbook 

Assessment 20.2 Test yourself 
on the concepts in Section 20.2. 

•-with ChemASAP 
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Cold Water Makes a Hot Meal 

Researchers have solved a long-standing 

problem: how to provide astronauts and 

military personnel with hot meals when 

there are no cooking facilities or time to 

cook. They developed the Flameless Ration 

Heater (FRH). An FRH is very small and 

weighs only one and a half ounces. It heats 

precooked, packaged meal rations with no 

flame or electricity. Simply place an MRE 

(Meal Ready to Eat) pouch in an FRH and add 

water. After about 15 minutes, the food is a 

warm 60°C. Applying Concepts What is the 

chemical equation for the reaction of 

magnesium and water? 

Water 

Heater 

How it works An FRH uses 

corrosion to generate heat. Water 
oxidizes magnesium to form 

magnesium hydroxide, hydrogen, and 

heat. Just 24 grams of magnesium 

releases 355,000 joules of heat, 

enough to boil about 1 L of water. 
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20.3 Balancing Redox Equations 

I Connecting to Your World 0ne of the |ong pgrsued goa|s 

of alchemists was to change common metals, such as lead or copper, into 

gold. One tool that the alchemists employed in 

their quest was aqua regia, which means 

"royal water ."Aqua regia is a mixture of 

concentrated hydrochloric (HCI) and 

nitric (HN03) acids. When metallic gold 

is added to aqua regia, oxidation and 

reduction reactions produce gaseous 

nitrogen monoxide (NO) and soluble, 

stable AuCI4~ ions. In this section, you 

will learn how to write and balance 

chemical equations for redox reactions 

such as this one. 

Guide for Reading 

C& Key Concepts 
• How are oxidation numbers 

used to identify redox 

reactions? 

• How are changes in oxidation 

numbers used to balance a 

redox equation? 

• What is the procedure for 

balancing a redox equation 

using half-reactions? 

Vocabulary 
oxidation-number-change 

method 

half-reaction 

half-reaction method 

Identifying Redox Reactions 
In general, all chemical reactions can be assigned to one of two classes. One 

class is oxidation-reduction (redox) reactions, in which electrons are trans¬ 

ferred from one reacting species to another. Many single-replacement 

reactions, combination reactions, decomposition reactions, and combus¬ 

tion reactions are redox reactions. Two examples of redox reactions are 

shown in Figure 20.15. Figure 20.15a shows what happens when potassium 

metal reacts with water. Figure 20.15b shows the reaction of zinc with 

hydrochloric acid. The other class includes all other reactions, in which no 

electron transfer occurs. For example, double-replacement reactions and 

acid-base reactions are not redox reactions. 

Reading Strategy 

Identifying a Sequence As 

you read, list the steps used to 

balance a redox equation by 

the oxidation-number change 

method and the half-reaction 

method. 

Figure 20.15 Many single 
replacement reactions are 

redox reactions. © Potassium 
metal reacts violently with 
water to produce hydrogen gas 

(which ignites) and potassium 

hydroxide. © Zinc metal reacts 
vigorously with hydrochloric 

acid to produce hydrogen gas 
and zinc chloride. Applying 
Concepts Explain why each 
reaction is a redox reaction. 
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Figure 20.16 The redox reaction 
between nitrogen and oxygen 

that takes place when lightning 

bolts heat the air to extreme 
temperatures forms nitrogen 

monoxide. 

During an electrical storm, as shown in Figure 20.16, oxygen molecules 

and nitrogen molecules in the air react to form nitrogen monoxide. This is 

an example of a combination reaction. The equation for the reaction is 

shown below. 

N2(g) + 02(g)-> 2NO(g) 

How can you tell if this is a redox reaction? If the oxidation number 

of an element in a reacting species changes, then that element has under¬ 

gone either oxidation or reduction. Therefore, the reaction as a whole must 

be a redox reaction. In the example above, the oxidation number of nitro¬ 

gen increases from 0 to +2 while the oxidation number of oxygen decreases 

from 0 to -2. Therefore, the reaction between nitrogen and oxygen to form 

nitrogen monoxide is a redox reaction. 

Many reactions in which color changes occur are redox reactions. One 

example is shown in Figure 20.17. Written in ionic form, the unbalanced 

equation for this reaction is 

Mn(\(aq) + Br (aq) -> Mn2+(ar/) + Bi.,(aq) 

Permanganate Bromide ion Manganese(II) Bromine 

ion (purple) (colorless) ion (colorless) (brown) 

Figure 20.17 A color change 
can signal a redox reaction. 

When a colorless solution 
containing bromide ions (Br ) is 

added to a solution containing 

permanganate ions (Mn04~), the 
distinctive purple color of the 

permanganate ion is replaced by 

the pale brown color of bromine. 
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CONCEPTUAL PROBLEM 20.4 

Identifying Redox Reactions 

Use the change in oxidation number to identify whether each 

reaction is a redox reaction or a reaction of some other type. If 

a reaction is a redox reaction, identify the element reduced, the 

element oxidized, the reducing agent, and the oxidizing agent. 

a. Cl2(g) + 2NaBr[aq)-> 2NaCl(a<7) + Br2(g) 

b. 2NaOH(a<7) + H2S04(ag)->Na2S04(ag) + 2H20(Z) 

Analyze Identify the relevant concepts. 

Assign oxidation numbers to show whether or 

not oxidation numbers change. If changes occur, 

the reaction is a redox reaction. The element 

whose oxidation number increases is oxidized 

and is the reducing agent. The element whose 

oxidation number decreases is reduced and is 

the oxidizing agent. 

This is a single-replacement reaction. The chlo¬ 

rine is reduced. The bromide ion is oxidized. 

This is a redox reaction. Chlorine is the oxidizing 

agent; bromide ion is the reducing agent. 

+1-2+1 +1+6-2 

b. 2NaOH(a<7) + H2S04(aq) -> 

+ 1 + 6-2 +1-2 

Na2S04(a<7) + 2H20(Z) 

Solve Apply concepts to this situation. 

0 +1-1 +1-1 0 

a. Cl2(g) + 2NaBriaq) -> 2NaCliaq) + Br2(g) 

This is an acid-base (neutralization) reaction. 

None of the elements changes in oxidation 

number. This is not a redox reaction. 

Practice Problems 

18. Identify which of the following are 

oxidation-reduction reactions. If a reaction 

is a redox reaction, name the element 

oxidized and the element reduced. 

a. CaC03(.s) + 2HCl{aq)-+ 

CaCl2{aq) + H20(Z) + C02(g) 

b. CuO(s) + H2(g)-> Cu(s) + H20(Z) 

Two Ways to Balance Redox Equations 
Chemists and chemical engineers must be able to write a correctly bal¬ 

anced equation that accurately represents what happens in a chemical 

reaction. Many oxidation-reduction reactions are too complex to be bal¬ 

anced by trial and error. Fortunately, two systematic methods are available. 

These two methods are based on the fact that the total number of electrons 

gained in reduction must equal the total number of electrons lost in oxida¬ 

tion. One method uses oxidation-number changes, and the other uses half¬ 

reactions. 

Using Oxidation-Number Changes You can use oxidation numbers 

to keep track of electron transfers—a type of chemical bookkeeping. In the 

oxidation-number-change method, you balance a redox equation by com¬ 

paring the increases and decreases in oxidation numbers. 

Textbook 

Problem-Solving 20.18 Solve 
Problem 18 with the help of an 
interactive guided tutorial. 

_with ChemASAP 

17. Identify which of the following are 

oxidation-reduction reactions. If a reaction 

is a redox reaction, name the element 

oxidized and the element reduced. 

a. Mg(s) + Br2(Z)-» MgBr2(s) 

b. H2C03(fl£jf)->H20(Z) + C02(g) 
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Figure 20.18 In a blast furnace 

like this one, air is blown through 
a combination of iron ore and 
coke. The carbon monoxide 

produced from the oxidation of 
coke reduces the Fe3+ ions to 

metallic iron. 

To use the oxidation-number-change method, start with the skeleton 

equation for the redox reaction. As an example, look at the process used to 

obtain metallic iron from iron ore in a blast furnace shown in Figure 20.18. 

Fe203(s) + CO(g)-+ Fe(s) + C02(g) (unbalanced) 

Step 1 Assign oxidation numbers to all the atoms in the equation. Write the 

numbers above the atoms. 

+ 3 -2 +2-2 0 +4-2 

Fe203(s) + CO(g) -» Fe(s) + C02(g) 

Note that the oxidation number is stated per atom. So although the total 

positive charge of Fe ions in Fe203 is 6+, the oxidation number of each Fe 

ion is +3. 

Step 2 Identify which atoms are oxidized and which are reduced. In this 

reaction, iron decreases in oxidation number from +3 to 0, a change of -3. 

Therefore, iron is reduced. Carbon increases in oxidation number from +2 

to +-4, a change of +2. Thus, carbon is oxidized. 

Step 3 Use one bracketing line to connect the atoms that undergo oxidation 

and another such line to connect those that undergo reduction. Write the 

oxidation-number change at the midpoint of each line. 

+2 (oxidation) 
i I 

+3 -2 +2-2 0 +4-2 

Fe203(s) + CO(g) -> Fe(s) + C02(g) 
i_i 

-3 (reduction) 

Remember that a change in oxidation number represents the number of 

electrons transferred. Each carbon atom in CO loses 2 electrons in oxida¬ 

tion, and each iron atom in Fe203 accepts 3 electrons in reduction. As the 

equation is written, the number of electrons transferred in oxidation does 

not equal the number transferred in reduction. In a balanced redox 

equation, the total increase in oxidation number of the species oxidized must 

be balanced by the total decrease in the oxidation number of the species 

reduced. Step 4 will make the oxidation-number changes equal. 

Step 4 Make the total increase in oxidation number equal to the total 

decrease in oxidation number by using appropriate coefficients. In this 

example, the oxidation-number increase should be multiplied by 3 and the 

oxidation-number decrease should be multiplied by 2, which gives an 

increase of +6 and a decrease of -6. This can be done in the equation by 

placing the coefficient 2 in front of Fe on the right side and the coefficient 3 

in front of both CO and C02. The formula Fe203 does not need a coefficient 

because the formula already indicates 2 Fe. 

3 X (+2) = +6 

Fe203(s) + 3CO(g) -* 2Fe(s) + 3C02(g) 

2 X (-3) = -6 

Step 5 Finally, make sure that the equation is balanced for both atoms and 

charge. If necessary, finish balancing the equation by inspection. 

Fe203(s) + 3CO(g)-> 2Fe(s) + 3C02(g) 
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CONCEPTUAL PROBLEM 20.5 

Balancing Redox Equations by Oxidation-Number Change 

Balance this redox equation by using the oxidation-number- 

change method. 

K2Cr207(agr) + H20(Z) + S(s)->KOH(a$ + Cr203(s) + S02(g) 

Analyze Identify the relevant concepts. 

You can balance redox equations by determining changes in oxidation 

numbers and applying the five steps. 

Solve Apply concepts to this situation. 

Assign oxidation numbers. 

+1 +6-2 +1-2 0 +1-2 + 1 +3-2 +4-2 
K2Cr207(fl<7) + H20(/) + S(s) -> KOH(aq) + Cr203(s) + S02(g) 

Identify the atoms that are oxidized and reduced. Cr is reduced. S is 

oxidized. 

Connect the atoms that change in oxidation number. Indicate the signs 

and magnitudes of the changes. 

-3 

+6 0 +3 +4 
K2Cr207(ag) + H20(Z) + S(s)-> KOH {aq) + Cr203(s) + SO 2(g) 

+4 

Balance the increase and decrease in oxidation numbers. Four chromium 

atoms must be reduced (4 x (-3) = -12 decrease) for each three sulfur 

atoms that are oxidized (3 x (+4) = +12 increase). Put the coefficient 3 

in front of S and S02, and the coefficient 2 in front of K2Cr207 and Cr203. 

(4) (-3) = -12 

+6 0 +3 +4 
2K2Cr207(ag) + H20(/) + 3S(s) —> KOH(agr) + 2Cr203(s) + 3S02(g) 

(3) (+4) = +12 

Check the equation and balance by inspection if necessary. The coeffi¬ 

cient 4 in front of KOH balances potassium. The coefficient 2 in front of 

HzO balances hydrogen and oxygen. The final equation is 

2K2Cr207(a<7) + 2H20 (/) + 3S(s)->4KOH[aq) + 2Cr203(s) + 3S02(g). 

Practice Problems 

19. Balance each redox equation using the 

oxidation-number change method. 

a. KC1030)-» KCl(s) + 02(g) 

b. HN02(fl^) + HI (aq)-HMO(g) + I2(s) + H20(/) 

20. Balance each redox equation using the 

oxidation-number change method. 

a. Bi2S3(5) + HN03(agr)-> 

Bi(N03)3(a<7) + NO(g) + S(s) +H20(Z) 

b. SbCl5(a<7) + Kl(acj) 
SbCl3{aq) + KC\(_aq) + I2(s) 

9 

^ Textbook 

Problem-Solving 20.20 Solve 
Problem 20 with the help of an 
interactive guided tutorial. 
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Table 20.2 

Oxidation Numbers of 
Sulfur in Different 

Substances 

Substance 

Oxidation 

number 

h2so4 + 6 

so3 +6 

h2so3 + 4 

so2 + 4 

Na2S203 + 2 
SCI2 + 2 
S2CI2 + 1 

s 0 

h2s -2 

Using Half-Reactions A second method for balancing redox equations 

involves the use of half-reactions. A half-reaction is an equation showing 

just the oxidation or just the reduction that takes place in a redox reaction. 

In the half-reaction method, you write and balance the oxidation and 

reduction half-reactions separately before combining them into a balanced 

redox equation. The outcome is the same as with the oxidation-number- 

change method. To balance a redox reaction using half-reactions, write 

separate half-reactions for the oxidation and the reduction. After you bal¬ 

ance atoms in each half-reaction, balance electrons gained in the reduction 

with electrons lost in the oxidation. The half-reaction method is particularly 

useful in balancing equations for ionic reactions. 

Sulfur is an element that can have several different oxidation numbers, 

as you can see in Table 20.2. The oxidation of sulfur by nitric acid in aque¬ 

ous solution is one example of a redox reaction that can be balanced by the 

half-reaction method. 

S(s) + HN03(c«7)-> S02(g) + NO (g) + H20(Z) (unbalanced) 

The following steps show how to balance this equation using the half¬ 

reaction method. 

Step 1 Write the unbalanced equation in ionic form. In this case, only HN03 

is ionized. The products are covalent compounds. 

S(s) + H+{aq) + N(\~{aq)->S02(g) + NO(g) + H20(Z) 

Step 2 Write separate half-reactions for the oxidation and reduction pro¬ 

cesses. Sulfur is oxidized in this reaction because its oxidation number 

increases from 0 to +4. Nitrogen is reduced because its oxidation number 

decreases from 5 to +2. 

0 +4 

Oxidation half-reaction: S(s)-> SO2(g) 

+ 5 +2 

Reduction half-reaction: N03~(a<7) -> NO(g) 

Notice that H+ ions and H20 are not included in the half-reactions because 

they are neither oxidized nor reduced. However, they will be used in bal¬ 

ancing the half-reactions. 

Step 3 Balance the atoms in the half-reactions. 

a. Balance the oxidation half-reaction. Sulfur is already balanced in the 

half-reaction, but oxygen is not. This reaction takes place in acid solu¬ 

tion, so H20 and H+{aq) are present and can be used to balance oxygen 

and hydrogen as needed. Add two molecules of H20 on the left to bal¬ 

ance the oxygen in the half-reaction. 

2H20(/) + S(s)-> S02(g) 

Oxygen is now balanced, but four hydrogen ions (4H+) must be added to 

the right to balance the hydrogen on the left. 

2PI20(Z) + S(s) —-* S02(g) + 4H +{aq) 

This half-reaction is now balanced in terms of atoms. 
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b. Balance the reduction half-reaction. Nitrogen is already balanced. Add 

two molecules of H20 on the right to balance the oxygen. 

NO 3-(a*#->NO(g) + 2H20(Z) 

Oxygen is balanced, but four hydrogen ions (4H+) must be added to the 

left to balance hydrogen. 

4H+(aq) + N03“(a^)-^NO(g) + 2H20(Z) 

This half-reaction is now balanced in terms of atoms. 

Step 4 Add enough electrons to one side of each half-reaction to balance the 

charges. Note that neither half-reaction is balanced for charge. Four elec¬ 

trons are needed on the right side in the oxidation half-reaction. 

Oxidation: 2H20(Z) + S(s)-* S02(g) + 4H+{aq) + 4e~ 

Three electrons are needed on the left side in the reduction half-reaction. 

Reduction: 4H+{aq) + N03"(a^) + 3e~->NO(g) + 2H20(Z) 

Each half-reaction is now balanced with respect to both atoms and charge. 

Step 5 Multiply each half-reaction by an appropriate number to make the 

numbers of electrons equal in both. The number of electrons lost in oxida¬ 

tion must equal the number of electrons gained in reduction. In this case, 

the oxidation half-reaction is multiplied by 3 and the reduction half¬ 

reaction is multiplied by 4. Therefore the number of electrons lost in oxida¬ 

tion and the number of electrons gained in reduction both equal 12. 

Oxidation: 6H20(Z) + 3S(s)-^3S02(g) + 12H+(a<7) + 12e~ 

Reduction: 16Hr[aq) + 4N0 3~{aq) + I2e~->4N0(g) + 8H20(Z) 

Step 6 Add the balanced half-reactions to show an overall equation. 

6H20(Z) + 3S(s) + 16H+{aq) + 4N03~(aq) + 12e“-> 

3S02(g) + 12H+(a^) + 12e“ + 4N0(g) + 8H20(Z) 

Then subtract terms that appear on both sides of the equation. 

3S(s) + 4H+{aq) + 4N0 f(aq)->3S02(g) + 4N0(g) + 2H20(Z) 

Step 7 Add the spectator ions and balance the equation. Recall that spec¬ 

tator ions are present but do not participate in or change during a reaction. 

Because none of the ions in the reactants appear in the products, there are 

no spectator ions in this particular example. The balanced equation is cor¬ 

rect. However, it can be written to show the HN03 as not ionized. 

3S(s) + 4HN03(fl(/)-»3S0 2(g) + 4N0(g) + 2H20(Z) 

Go inline c >SC/ 
Li INKS 

For: Links on Redox 
Reactions 

Visit: www.SciLinks.org 
Web Code: cdn-1203 J 

Balancing a Redox Equation Using the Half-Reaction Method 
Step 1 Write the unbalanced 

equation in ionic form. 

Step 2 Write separate half¬ 

reactions for the oxidation and 

reduction processes. 

Step 3 Balance the atoms in the 

half-reactions. 

Step 4 Add enough electrons to 

one side of each half-reaction to 

balance the charges. (Hint:The 
electrons will be added to opposite 

sides of the half-reactions.) 

Step 5 Multiply each half-reaction 

by an appropriate number to make 

the numbers of electrons equal in 

both. 

Step 6 Add the half-reactions to 

show an overall equation. 

Step 7 Add the spectator ions and 

balance the equation. 
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CONCEPTUAL PROBLEM 20.6 

Balancing Redox Equations by Half-Reactions 

Balance this redox equation using the half-reaction method. 

YMn04(aq) 4- HC1(aq)-> MnC\2{aq) + Cl2(g) + H20(Z) + KCl{aq) 

Up! Analyze Identify the relevant concepts. 

You can use the seven steps of the half-reaction 

method. 

Solve Apply concepts to this situation. 

Write the equation in ionic form. 

K + {aq) + MnO 4~{aq) + H+{aq) + Ct{aq)-> 

Mn2+[aq) + 2C\{aq) + Cl2(g) + 

H20(Z) 4- K + {aq) + Cl (aq) 

Write half-reactions. Determine the oxidation 

and reduction process. 

-1 o 
Oxidation: Cl -> Cl2 

+7 +2 

Reduction: Mn04 -> Mn2 + 

Balance the atoms. The solution is acidic, so use 

H20 and H+ to balance the oxygen and hydro¬ 

gen. (If the solution is basic, H20 and OH“ are 

used.) 

Oxidation: 

2C1 (aq)-> Cl2(g) (atoms balanced) 

Reduction: 

MnO 4~{aq) 4- 8H+ {aq)->Mri2+{aq) + 

4H20(/) (atoms balanced) 

Balance the charges. 

Oxidation: 2C1 (aq)-> Cl2(g) + 2e 

(charges balanced) 

Reduction: 

Mn04~ {aq) + 8H+ {aq) + 5e“->Mn 2+{aq) 4- 

4H20(/) (charges balanced) 

Make the numbers of electrons equal. Multiply 

the oxidation half-reaction by 5 and the reduc¬ 

tion half-reaction by 2. 

Oxidation: 10Cl~{aq)->5Cl2(g) 4 10e” 

Reduction: 

2MnO 4~{aq) + 16H+ {aq) + 10e“-> 

2Mn 2+{aq) 4- 8H20(Z) 

Add the half-reactions. 

10C1 (aq) 4- 2Mn04 (aq) + 16H+(aq) + J Oe -■> 

5 Cl2(g) 4- Uhr + 2Mn2+(aq) 4- 8H20(Z) 

The equation, after subtracting terms that appear 

on both sides: 

10C1 (aq) 4- 2Mn04 {aq) 4- 16H+ {aq)-> 

5Cl2(g) 4- 2Mn2+{aq) 4- 8H20(Z) 

Add the spectator ions. 

10C1 4- 2Mn04- 4- 2K+ 4- 16H+ 4- 6C1“-> 

5 Cl2 4- 2Mn2+ 4- 4CR + 8H20 + 2K+ 4- 2CD 

Adding spectator and nonspectator Cl on each 

side gives 

16C\~{aq) + 2Mn04~ {aq) 4- 2K+{aq) 4- 

16H+(a^)-> 5Cl2(g) + 2Mn2+{aq) + 

6C1 ~{aq) 4- 8H20(Z) 4- 2K+{aq) 

The equation is balanced for atoms and charge. To 

show it balanced for the substances given in the 

question (rather than for ions), rewrite it as 

2KMn04(ag) 4- 16HCl(ag)-> 

2MnCl2(ag) + 5Cl2(g) + 8H20(Z) + 2KCl(a<7) 

Practice Problem 

21. The following reaction takes place in basic solution. 

Balance the equation using the half-reaction method. 

Zn(5) 4- N03 (aq)->NH3(aq) 4- Zn(OH)42 {aq) 

© 

r Jtasraeiiw® 
^Textbook 

Problem-Solving 20.21 Solve 
Problem 21 with the help of an 
interactive guided tutorial. 

._with ChemASAP 
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Choosing a Balancing Method 
Some redox equations, such as the following example, are simple enough 
to balance by inspection. 

Zn(s) + 2AgN03(a<7) -—> 2Ag(s) + Zn(N03)2(ag) 

Balancing by oxidation number change usually works well if the oxi¬ 

dized and reduced species appear only once on each side of the equation 

and no acids or bases are involved. However, in some redox reactions, the 

same element is both oxidized and reduced. In the reaction of bromine with 

a base such as KOH, elemental bromine is simultaneously oxidized from 0 

in Br2 to +5 in KBr03 and reduced from 0 in Br2 to -1 in KBr. 

3Br2(Z) + 6KOH (aq)->5KBr (aq) + KBr03(aq) + 3H20(Z) 

You can tell from the coefficients in the balanced equation that it is not 

easy to balance. Equations such as this one and equations for reactions 

that take place in acidic or alkaline solution are best balanced by the half¬ 

reaction method. 

Bleach It! Oxidize the Color Away 

Purpose 
To test the effect of oxidizing 

agents on stains and dyes. 

Materials 
• spot plate 

• dropper 

• water 

• colorimeter (optional) 

Samples 
• iodine solution (1% l2 in 2% (m/v) Kl) 

• potassium permanganate solution 
(0.05/M KMn04) 

• grape juice 

• rusty water 

• piece of colored fabric 

• colored flower petals 

• grass stain on piece of white fabric 

Oxidizing agents 
• liquid chlorine bleach 

(5% (m/v) sodium 
hypochlorite) 

• powder bleach 

• oxalic acid solution 
(1% (m/v)) 

• sodium thiosulfate solu¬ 
tion (hypo) (0.2/M Na2S203) 

• hydrogen peroxide 
(3% (v/v) H202) 

Procedure fSl ^ O O Eft Sensor version available in the Probeware 

j Lab Manual. 

1. Place samples on a spot plate. Use 

4 drops of each liquid or a small piece 

of each solid. 

2. Describe the color and appearance of 

each sample in Step 1. 

3. Add a few drops of the first oxidizing 

agent to each sample. 

4. Describe any immediate change in 

appearance and any further change 

after 15 minutes. 

5. Repeat Steps 1-4 with each oxidizing 

agent. 

Analyze and Conclude 
1. Make a grid and record your observa¬ 

tions. 

2. Compare the oxidizing power of the 

oxidizing agents. 

3. How do you know that chemical 

changes have occurred? 
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Quality Control Chemist 
A quality control chemist is 

responsible for seeing that prod¬ 

ucts meet manufacturing stan¬ 

dards. The consistent quality of 

many products you use is due to 

the work of a quality control 

chemist. They work in a wide vari¬ 

ety of industries, including those 

that manufacture air bags for 

automobiles. They are involved in 

every aspect of producing the 

product. They contribute to the 

original research and develop¬ 

ment of the product and help 

refine its manufacturing process. 

They then develop methods to 

test the product or to determine 

why it has failed to perform for the 

consumer. 

Quality control chemists must 

know how to make and interpret 

measurements. Experience in 

analytical chemistry and the abil¬ 

ity to develop new analytical 

methods are particularly impor¬ 

tant. The specific requirements 

for the job depend on the industry 

and company that employs the 

quality control chemist. A good 

quality control chemist assures 

that his or her company’s custom¬ 

ers receive the highest-quality 

products. 

rGo inline 
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20.3 Section Assessment 

22. Key Concept What happens to the oxidation 

number of a species reacting in a redox reaction? 

23. Key Concept In any redox reaction, how does 

the increase in oxidation number of the species 

oxidized compare to the decrease in the oxidation 

number of the species reduced? 

24. Key Concept In balancing a redox reaction 

using half-reactions, what must be true concern¬ 

ing the number of electrons lost in the oxidation 

half-reaction compared to the number of elec¬ 

trons gained in the reduction half-reaction? 

25. Balance each redox equation, using the oxidation- 

number-change method. 

a. ClOf (aq) + l~(aq)-> 

C\~(aq) + 12(aq) [acidic solution] 

b. C2042 (aq) + Mn04 (aq)-> 

Mn2+ (aq) T- C02(g) [acidic solution] 

c. Br2(Z) + SO2(g)-» 

Br~ (aq) + S042~ (aq) [acidic solution] 

WEBSBSS^ Handbook 

Sodium, Iodine, and Bromine Review the equations 
for the production of sodium, bromine, and iodine found 
on pages R6 and R32 of the Elements Handbook. Identify 
the oxidizing agent and the reducing agent in each 
reaction. 

« 

Assessment 20.3 Test yourself 
on the concepts in Section 20.3. 

_with ChemASAP 
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Purpose 

To observe redox reactions and to write 

half-reactions that describe them. 

Materials 

• pencil 

• paper 

• ruler 

• reaction surface 

• chemicals listed in the grid 

isi a e @s □ Procedure v 

On separate sheets of paper, draw two grids similar to the 

one below. 

HCI HN03 H2S04 

■j 

1 

nVV 

’OR 
ER£f ICE 

Make each square 2 cm on each side. Place a reaction 

surface over one of the grids and add one drop of each 

acid solution to one piece of each metal, as shown 

above. Use the second grid as a data table to record your 
■jj 

observations for each solution. 

Analyze 
Using your experimental data, answer the following 

questions. 

1. Which metal is the most reactive? Explain. Which metal 

did not react with any of the acids? List the metals in 

order of decreasing reactivity. 

2. What is the chemical formula of the gas produced in 

each reaction? 

3. An active metal reacts with an acid to produce hydro¬ 

gen gas and a salt. Write equations and net ionic 

equations to describe the reactions you observed. Are 

all of these redox reactions? Explain. 

4. The half-reaction for the oxidation of Zn is shown below. 

Zn(s)-->Zn2+(aq) + 2e~ 

Write the oxidation half-reaction for the other metals 

that react. 

5. The half-reaction for the reduction of H+ from the 

acid is shown below. 

2H+ + 2e~ ——2(g) 

Notice that this half-reaction is the same for all the 

acids. Demonstrate how adding this half-reaction to 

each oxidation half-reaction results in the overall net 

ionic equations. 

You're The Chemist 

The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Analyze It! Pennies minted after 1982 are made of 

zinc with a thin copper coating. Use a penny that has 

been damaged so that a portion of the zinc shows 

through to compare the reactivity of the zinc and the 

copper toward various acids. 

2. Design It! Many household products, such as toilet- 

bowl cleaners and vinegar, contain acids. Design and 

carry out experiments to find out if these products also 

react with metals. 
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CHAPTER 

20 Study Guide 

Key Concepts 

20.1 The Meaning of Oxidation and Reduction 

• Oxidation and reduction always occur simul¬ 
taneously. The substance gaining oxygen is 
oxidized, while the substance losing oxygen 
is reduced. 

Losing electrons is oxidation. Gaining 
electrons is reduction. 

(^ 20.3 Balancing Redox Equations 

• If the oxidation number of an element in a 
reacting species changes, then that element 
has undergone either oxidation or reduction. 
Therefore, the reaction as a whole must be a 
redox reaction. 

Iron, often used in the form of the alloy steel, 
corrodes by being oxidized to ions of iron by 
oxygen. 

In a balanced redox equation, the total 
increase in oxidation number of the species 
oxidized must be balanced by the total 
decrease in the oxidation number of the spe¬ 
cies reduced. 

20.2 Oxidation Numbers 

• As a general rule, a bonded atom’s oxidation 
number is the charge that it would have if the 
electrons in the bond were assigned to the 
atom of the more electronegative element. 

• An increase in the oxidation number of an 
atom or ion indicates oxidation. A decrease 
in the oxidation number of an atom or ion 
indicates reduction. 

To balance a redox reaction using half¬ 
reactions, write separate half-reactions for 
the oxidation and the reduction . After you 
balance atoms in each half-reaction, balance 
electrons gained in the reduction with elec¬ 
trons lost in the oxidation. 

Vocabulary 

half-reaction (p. 650) 

half-reaction method (p. 650) 

oxidation (p. 633) 

oxidation number (p. 639) 

oxidation-number-change method (p. 647) 

oxidation-reduction reaction (p. 632) 

oxidizing agent (p. 634) 

redox reaction (p. 632) 

reducing agent (p. 634) 

reduction (p. 633) 

Organizing Information 

Use these terms to construct a 
concept map that organizes the 
major ideas of this chapter. 

^£frferactiwo 
w Textbook 
Concept Map 20 Create 
your concept map using 
the computer. 

■ ■■ „ with ChemASAP 
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Assessment 

CHAPTER 

20 
Reviewing Content 

20.1 The Meaning of Oxidation and Reduction 

26. What chemical process must always accompany 

a reduction process? 

27. What happens to an oxidizing agent during a 

redox reaction? 

28. Balance each redox equation and identify 

whether the first substance was oxidized or 

reduced. 

a. Ba(s) + 02(g)-> BaO(s) 

b. CuO(s) + H2(g)-* Cu(s) + H20(Z) 

c. C2H4(g) + 02(g)-^C02(g) + H20(Z) 

d. CaO(s) + Alls)-^A1203(s) + Ca(s) 

29. Identify each process as either oxidation or 

reduction. 

a. A1-> Al3+ + 3e~ b. 2C1“-^Cl2 + 2*r 

c. S2~-* S + 2e~ d. Sr-> Sr2+ + 2e~ 

30. Which of the following would most likely be 

oxidizing agents and which would most likely be 

reducing agents? [Hint: Think in terms of ten¬ 

dencies to lose or gain electrons.) 

a. Cl2 b. K c. Ag+ d. Zn2+ 

31. Refer to the electronegativity values in Table 6.2 

to determine which reactant is oxidized and 

which reactant is reduced in each reaction. 

a. H2(g) + S(s)-> H2S(g) 

b. N2(g) + 3H2(g)-> 2NH3(g) 

c. S(s) + 02(g)-> S02(g) 

d. 2H2(g) + 02(g)-* 2H20(Z) 

32. Identify the oxidizing agent and the reducing 

agent for each reaction in Problem 31. 

20.2 Oxidation Numbers 

33. What is an oxidation number? 

34. Which of these statements is false? 

a. The oxidation number of an uncombined 

element is zero. 

b. The sum of the oxidation numbers of the 

atoms in a polyatomic ion must equal the 

charge of the ion. 

c. Every element has a single oxidation number. 

d. The oxidation number of oxygen in a 

compound or a polyatomic ion is almost 

always -2. 

35. Determine the oxidation number of each metal 

atom. 

a. Ca2+ b. A12S3 c. Na2Cr04 d. V205 e. Mn04~ 

36. Assign oxidation numbers to the atoms in the 

following ions: 

a. OH- b. P043" c. I03" d. H2P04- e. HS04“ 

20.3 Balancing Redox Equations 

37. Use the changes in oxidation numbers to iden¬ 

tify which atoms are oxidized and which are 

reduced in each reaction. 

a. Al(s) + MnOz(s)-> Al203(s) + Mn(s) 

b. K(s) + H,0(Z)-> KOU(aq) + H2(g) 

c. HgO(s)-> Hg(Z) + 02(g) 

d. P4(s) + 02(g)-> P4O10(s) 

38. Balance each redox equation. 

a. Al(s) + Cl2(g)-* A1C13(s) 

b. Al(s) + Fe203(s)-> Al203(s) + Fe(s) 

c. Cl2(g) + KOH(a^)-* 

KCIO 3(aq) + KC1( aq) + HzO(Z) 

d. HN03(aqr) + H2S(g)-> S(s) + NO(g) + H20(Z) 

e. KI04(ar7) + KI(aq) + WC\(aq)-» 

KCl(aq) + I2(s) + HzO(Z) 

39. Identify which of these unbalanced equations 

represent redox reactions. 

a. Li(5) + H20(Z)->UOH(aq) + H2(g) 

b. K2Cr207{aq) + HC1 [aq)-> 

KCUar/) + CrCl3(ar7) + H20(Z) + Cl2(g) 

c. Al(s) + HCl(ag)->■ A1C13(aq) + H2(g) 

d. Cl2(g) + HzO(Z)-> HC\(aq) + HClO(aq) 
e. I205(s) + CO(g)->\2(s) + CO2(g) 

f. H20(Z) + S03(g)->H2SO4(aq) 

40. Use the half-reaction method to write a bal¬ 

anced ionic equation for each reaction. All are 

basic solutions. 

a. Mn04-(a<7) + C102“(ag)->- 

Mn02(s) + CIO f{aq) 
b. C^+[aq) + CIO~{aq)-> CrO42~{aq) + Cl [aq) 
c. Mn3+{aq) + l~[aq)-> Mnz+[aq) + IO3~[aq) 
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Assessment continued 

Understanding Concepts 

41. Balance the equations in Problem 37 by an 

appropriate method. 

42. Balance the equations in Problem 39 by an 

appropriate method. 

43. Determine the oxidation number of phosphorus 

in each substance. 

a. P408 b. P043~ c. P205 

d. P406 e. H2P04- f. P033- 

44. What is the oxidation number for chromium in 

each of the compounds shown below? 

45. Identify the element oxidized, the element 

reduced, the oxidizing agent, and the reducing 

agent in each unbalanced redox equation. 

a. Mn02(s) + WC\{aq)-* 

MnCl2(«<7) + Cl2(g) + H20(/) 

b. Cu(s) + HN03(a<7) ——> 

Cu(N03)2(ag) + N02(g) + H20(/) 

c. P(s) + HN03(aq) + H20(Z)-> 

NO(g) + H3P04(a<7) 

d. Bi(OH)3(s) + Na2Sn02(ag)-> 

Bi(s) + Na2Sn03(ag) + H20(/) 

46. Balance each redox equation in Problem 45 by 

using the oxidation-number-change method. 

47. A device called a Breathalyzer is used to test a 

person’s breath for the alcohol ethanol, C2H5OH. 

In this test ethanol reacts with an acidic solution 

of orange dichromate ion to form green chro- 

mium(III) ion. 

Cr2072~{aq) + C2H5OH(ag)-» 

Cr3+(aq) + CO 2(g) 

The amount of color change is proportional to 

the amount of ethanol in the exhaled breath. 

a. Balance this equation by the half-reaction 

method. 

b. Is dichromate ion an oxidizing agent or a 

reducing agent? 

48. The metallic element tungsten, used as a fila¬ 

ment in incandescent light bulbs, is obtained by 

heating tungsten (VI) oxide with hydrogen. 

W03(s) + H2(g)->W(s) + H20(g) 

a. Balance the equation. 

b. What is the reducing agent in this reaction? 

c. Which element undergoes an increase in oxi¬ 

dation number? 

49. Silver tarnishes when it reacts with hydrogen 

sulfide in the air. 

Ag(s) + H2S(g)-^ Ag2S(s) + H2(g) 

a. Is silver oxidized or reduced in this reaction? 

b. Identify the oxidizing agent and the reducing 

agent. 

c. Balance the equation. 

50. The following equation represents an oxidation- 

reduction reaction that uses oxygen. Show how 

this reaction can also be defined as an oxidation- 

reduction reaction in terms of electron transfer. 

Pb(s) + 02(g)-» PbO(s) 

51. Does each of the following equations represent a 

redox reaction? Explain how you know. 

a. Bi203(5) + 3C(s)-> 2Bi(s) + 3CO(g) 

b. Cr2030) + 3H2S(g)-> Cr2S3(s) + 3H20(Z) 

c. BCl3(g) + 3H20(7)-> H3B03(s) + 3HCl(g) 

52. The following unbalanced equation represents a 

reaction that can occur when dinitrogen tetrox- 

ide, N204, is combined with hydrazine, N2H4. 

N204tf) + N2H4(Z)-> N2(g) + H20(g) 

Balance the equation and describe in words the 

electron transfer that takes place. 

53. Examine the following hypothetical redox 

equation. 

2X + 3H2Y-> X2Y3 + 3H2 

a. What is the oxidation number of element X on 

each side of the equation? 

b. What is the oxidation number of element Y on 

each side of the equation? 

c. What is oxidized in this equation? 

d. What is reduced in this equation? 
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Critical Thinking 

54. Explain why the number of electrons lost must 

equal the number of electrons gained in every 

redox reaction. 

55. The highest possible oxidation number that 

chlorine exhibits in any compound is + 7, 

whereas its most negative oxidation number is 

-1. Write the electron configuration of chlorine 

and explain why these are the limiting oxidation 

numbers for chlorine. 

56. Explain why a sodium atom is a reducing agent 

but a sodium ion is not. 

57. Many decomposition, single-replacement, com¬ 

bination, and combustion reactions are also 

redox reactions. Why is a double-replacement 

reaction never a redox reaction? 

58. Why must every redox reaction have a reducing 

agent and an oxidizing agent? 

59. Which substance in each pair is more likely to be 

an oxidizing agent? 

a. S2“ or S042- 

b. HzO or H202 

c. N02~ or N03“ 

d. Cr2072- or Cr3+ 

e. H2 or H20 

60. Which is more likely to be a strong reducing 

agent, a group 1A metal or a group 7A nonmetal? 

Explain. 

61. Predict the product(s) and write the balanced 

equation for each of these redox reactions. Iden¬ 

tify the oxidizing agent in each reaction. 

a. rubidium + iodine-> 

b. barium + water-> 

c. aluminum + iron (II) sulfate-> 

d. butene (C4H8) + oxygen-> 

e. zinc + hydrobromic acid-* 

f. magnesium + bromine-> 

62. The electronegativity of rhenium, Re, is 1.9, and 

the electronegativity of selenium is 2.4. If rhe¬ 

nium were to react with selenium to form a 

compound, which element would be oxidized 

and which element would be reduced? Explain. 

63. Which of the following ions is most likely to be 

an oxidizing agent? Explain your choice. 

Mn<V, Mn042‘, Mn+2 

Concept Challenge 

64. How many grams of copper are needed to 

reduce completely the silver ions in 85.0 mL of 

0.150MAgN03(ag) solution? 

65. How many milliliters of 0.280MK2Cr207(ag) 

solution are needed to oxidize 1.40 g of sulfur? 

First balance the equation. 

K2Cr207{aq) + H20(/) + S(s)-> 

S02(g) + KOH(ag) + Cr20 3{aq) 

66. Carbon monoxide can be removed from the air 

by passing it over solid diiodine pentoxide. 

CO(g) + l205(s)-M 2{s) + C02(g) 

a. Balance the equation. 

b. Identify the element being oxidized and the 

element being reduced. 

c. How many grams of carbon monoxide can be 

removed from the air by 0.55 g of diiodine 

pentoxide (I205)? 

67. What is the oxidation number of nitrogen in 

each of theses species? 

a. HN03 b. NH3 

c. N203 d. N02“ 

e. N20 f. NH4C1 

g. NO h. N02 

68. The elements fluorine and oxygen can react to 

form fluorine monoxide, F20. Write the balanced 

chemical equation for this reaction. Check 

electronegativity values and then identify the 

elements oxidized and reduced. 

69. The oxidation number of nitrogen can range 

from a minimum of -3 to a maximum of +5. 

Use this information to explain why the nitride 

ion, N3c can act only as a reducing agent, and 

why the nitrate ion, N03”, can act only as an 

oxidizing agent. 

70. Combine each of the following pairs of half¬ 

reactions into a complete, balanced, ionic redox 

equation. 

a. Hg2+ + 2e~-> Hg 

A1-^Al3+ + 3e“ 

b. Mn02 + 4H+ + 2e~-» Mn2+ + 2HzO 

Fe-> Fe2+ + 2e“ 

c. Fe3+ + -> Fe2+ 

Cd-> Cd2+ + 2e~ 
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CHAPTER 

20 Assessment continued 

Cumulative Review 

71. The complete combustion of hydrocarbons 

involves the oxidation of both carbon and 

hydrogen atoms by oxygen. The following table 

lists the moles of 02 used and the moles of C02 

and moles of H20 produced when a series of 

hydrocarbons called alkanes are burned. 

(Chapter 12) 

Alkane 
burned 

02used 
(mol) 

C02 produced 
(mol) 

H20 produced 
(mol) 

ch4 2 1 2 

c2h6 3.5 2 3 

c3h8 5 3 4 

C4H10 a. b. c. 

C5H12 d. e. f. - 

^6^14 9- - h. i. 

a. Complete the table. 

b. Based on the data, write a balanced general¬ 

ized equation for the complete oxidation of 

any alkane. Use the following form, and write 

the coefficients in terms of x and y: 

CxHy + _02-*_C02 + _H20 

72. Name a change of state that does not involve a 

liquid. (Chapter 13) 

73. A gas cylinder has a volume of 6.8 L and is filled 

with 13.8 g of N2. Calculate the pressure of N2 at 

25° C. (Chap ter 14) 

74. A particular paint must be stirred before using. 

Is the stirred paint a solution or a suspension? 

Explain. (Chapter 15) 

75. Which of these are nonelectrolytes? (Chapter 15) 

a. S(s) 

b. NH4Cl(a<7) 

c. Si02(s) 

d- F2(g) 

76. How would you make 440 mL of 1.5MHC1 solu¬ 

tion from a stock solution of 6.0MHC1? 

(Chapter 16) 

77. One mole of LiF and Ca(N03)2 are each dissolved 

in 1.0 L of water. Which solution has the higher 

boiling point? Explain. (Chapter 16) 

78. What is the molarity of the solution prepared by 

dissolving 46.4 g H3P04 in enough water to make 

1.25 L of solution? (Chapter 16) 

79. The fC.p of lead(II) bromide (PbBr2) at 25°C is 

2.1 X 10^6. What is the solubility of PbBr2 (in 

mol/L) at this temperature? (Chapter 18) 

80. Bottles containing 0.1M solutions of Na2S04, 

BaCl2, and NaCl have had their labels acciden¬ 

tally switched. To discover which bottle contains 

the NaCl, you place a clear saturated solution of 

BaS04 (l<C,p = 1.1 x 10-10) into three test tubes. To 

each test tube you add a few drops of each 

mislabeled solution. The results are shown 

below. To which tube was NaCl added? Explain. 

(Chapter 18) 

Test tube A Test tube B Test tube C 

81. What is the hydrogen-ion concentration of solu¬ 

tions with the following pH? (Chapter 19) 

a. 2.00 b. 11.00 c. 8.80 

82. How many milliliters of a 4.00MKOH solution 

are needed to neutralize 45.0 mL of 2.50MH2SO4 

solution? (Chapter 19) 

83. Identify the conjugate acid-base pairs in each 

equation. (Chapter 19) 

a. NH4+(a<7) + H20(Z)-^NHgfag) + H30+ {aq) 

b. H2S03(ag) + NH2“(flijf)-» 

HSOf(aq) + NH3(a<7) 
c. HN03(a<7) + \~[aq)->Yll{aq) + N03~ {aq) 

84. Classify each solution in Problem 85 as acidic, 

basic, or neutral. (Chapter 19) 

85. Calculate the pH of solutions with the following 

hydrogen-ion or hydroxide-ion concentrations. 

(Chapter 19) 

a. [H+] = 0.000 010M 

b. [OH~] = 1.0 X 10~4M 

c. [OH“]= 1.0 X 10->M 

d. [H+] = 3.0 X 10-7M 

86. A reaction goes essentially to completion. Would 

you expect the value of Kto be large or small? 

(Chapter 19) 
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Standardized Test Prep 

Test-Taking Tip 

Interpreting Data Tables Tables present a large 

amount of data in a small space. They allow you to 

make comparisons and to analyze the informa¬ 

tion present. To interpret the content in a table, 

start by reading the title (if there is one). Then 

read the headings. Try to figure out the relation¬ 

ship between the different columns and rows of 

information. Ask yourself some questions: What 

information is related in the table? How are the 

relationships represented? 

Select the choice that best answers each question or 

completes each statement. 

1. Which of these processes is not an oxidation? 

a. a decrease in oxidation number 

b. a complete loss of electrons 

c. a gain of oxygen 

d. a loss of hydrogen by a covalent molecule 

2. In which of these pairs of nitrogen-containing 

ions and compounds is the oxidation number of 

nitrogen in the ion higher than in the nitrogen 

compound? 

I. N2H4 and NH4+ 

II. N03" and N204 

III. N20 and N02~ 

a. I only b. I and II only 

c. I and III only d. II and III only 

e. I, II, and III 

3. Identify the elements oxidized and reduced in this 

reaction. 

2C1CT + H2 + 2e~-> 2CD + 20H' 

a. Cl is oxidized; H is reduced 

b. H is oxidized; Cl is reduced 

c. Cl is oxidized; O is reduced 

d. O is oxidized; Cl is reduced 

4. Which of these half-reactions represents a 

reduction? 

I. Fe2+-> Fe3+ 

II. Cr2072--> Cr3+ 

III. Mn04“-» Mn2+ 

a. I and II only 

b. II and III only 

c. I and III only 

d. I, II, and III 

5. Which of these general types of reactions is not a 

redox reaction? 

a. single replacement b. double replacement 

c. combustion d. combination 

6. What is the reducing agent in this reaction? 

Mn04- + S02-> Mn2+ + S042“ 

a. S02 b. S042- c. Mn2+ d. Mn(V 

Use the table to answer Questions 7-11. 

Metal Metal ion 

i-K K+ 

3 Ca Ca2+ 

L-Na Na+ 

r Mg Mg2+ 

Al Al3+ 

1 4 

Zn 

Fe 

Zn2+ 9 

Fe« 2 

Ni Ni2+ 

Sn Sn2+ 

Lpb Pb2+ 

rCu Cu2+ 
5 L-Ag Ag+ 

7. Which arrow indicates increasing ease of oxida¬ 

tion? Of reduction? 

8. Which numbered group of metals are the stron¬ 

gest reducing agents? 

9. Which numbered group of metals are the most 

difficult to oxidize? 

10. Which is a stronger oxidizing agent, Na or Fe? 

11. Which is a stronger reducing agent, Mg or Ag? 

Use this diagram to answer Questions 12 and 13. It 

shows the formation of an ion from an atom. 

♦ ^lon 
12. Does the diagram represent oxidation or reduc¬ 

tion? Does the oxidation number increase or 

decrease when the ion forms? 

13. Draw a diagram showing the formation of a 

sulfide ion from a sulfur atom. Make the relative 

sizes of the atom and ion realistic. Does your 

drawing represent an oxidation or a reduction? 
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Activity INQUIRY 

5. Briefly touch both metal strips at the same time 

with your tongue and observe what happens. Do 

not share the lemon battery with another student. 

6. Measure the voltage of your lemon battery. 

Think About It 

1. Describe the sensation you felt on your tongue. 

2. Do you think you would feel the same sensation 

using two copper strips or two zinc strips? Try it! 

3. What would you expect to happen if, in place of 

the lemon, you were to use an orange? 

4. If you connected 12 lemon batteries together in 

series, you would generate a voltage of about 12 V. 

Could you use this assembly to start a car? Explain 

A Lemon Battery 
Materials 

copper strip (1 cm X 3 cm), zinc strip (1 cm X 3 cm), 

fine sandpaper, a whole lemon, voltmeter 

111 O S3 Procedure £2 

1. Polish the copper and zinc strips with sandpaper. 

2. Clean the strips with hot, soapy water and dry 

them. 

3. Push the zinc strip into the lemon. Leave about 

1.5 cm of the zinc strip sticking out of the lemon. 

4. Push the copper strip into the lemon about 1 cm 

away from the zinc strip. It should not make con¬ 

tact with the zinc strip. Leave about 1.5 cm of the 

copper strip sticking out of the lemon. 



21.1 Electrochemical Cells 

Connecting to Your World 0n a summer evening fireflies 

glow to attract their mates. In the ocean depths, anglerfish emit light to 

attract prey. Luminous shrimp, squid, jellyfish, and even bacteria also exist. 

These organisms, and others, are able to give off 

energy in the form of light as a result of 

redox reactions. In this section,you will 

discover that the transfer of electrons in 

a redox reaction produces energy. 

Electrochemical Processes 
As you have learned, chemical processes can either release energy or absorb 

energy. The energy can sometimes be in the form of electricity. Electrochem¬ 

istry has many applications in the home as well as in industry. Flashlight and 

automobile batteries are familiar examples of devices used to generate elec¬ 

tricity. The manufacture of sodium and aluminum metals and the silverplat¬ 

ing of tableware involve the use of electricity. Biological systems also use 

electrochemistry to carry nerve impulses. In this chapter, you will learn 

about the relationship between redox reactions and electrochemistry. 

A Spontaneous Redox Reaction When a strip of zinc metal is dipped 

into an aqueous solution of blue copper sulfate, the zinc becomes copper- 

plated, as shown in Figure 21.1. The net ionic equation involves only zinc 

and copper. 

Zn(s) + Cu 2+{aq)->Zn 2+{aq) + Cu(s) 

Guide for Reading 

Key Concepts 
• For any two metals in an 

activity series, which metal is 
more readily oxidized? 

• What type of chemical reaction 
is involved in all electrochemical 
processes? 

• How does a voltaic cell produce 
electrical energy? 

• What current technologies use 
electrochemical processes to 
produce electrical energy? 

Vocabulary 
electrochemical process 

electrochemical cell 

voltaic cells 

half-cell 

salt bridge 

electrode 

anode 

cathode 

dry cell 

battery 

fuel cells 

Reading Strategy 
Building Vocabulary As you 
read the section, write a definition 
of each vocabulary term in your 
own words. 

Figure 21.1 Zinc metal oxidizes 
spontaneously in a copper-ion 
solution. 0 A zinc strip is 
immersed in a solution of copper 

sulfate. © As the redox reaction 
proceeds, copper plates out onto 

the zinc, and the blue copper 
sulfate solution is replaced by 

a solution of zinc sulfate. 
Classifying How can you 
classify this reaction? 
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Table 21.1 ft 
Activity Series of Metals, with Half-Reactions 

for Oxidation Process 

Element Oxidation half-reactions 

Most active and Lithium Li(s) — —> Li+(ag) + e~ 
most easily oxidized Potassium K(s) — —> K+(ag) + e~ 

Barium Ba(s) — —> Ba2+(aq) + 2e~ 

Calcium Cals) — —* Ca2+(ag) + 2e~ 

Sodium Na(s) — —> Na+(aq) + e“ 
4-» 
> Magnesium Mg(s) — —> Mg2+(ag) + 2e 

’4-* O Aluminum Alls) — —> Al3+(a<7) + 3e~ 

Zinc Zn(s) — —» Zn2+(ag) + 2e“ 

‘(f) Iron Fels) — —> Fe2+(ag) + 2e~ 

CD Nickel Nils) — —» Ni2+(aq) + 2e~ 
O 
CD O Tin Sn(s) — —> Sn2+{aq) + 2e“ 

Lead Pb(s) — —► Pb2+(ap) + 2e" 

J ' Hydrogen* H2(g) — —>2H+(aq) + 2e“ 

Copper Cu(s) — —> Cu2+(aq) + 2e~ 

Mercury Hg(s) — —» Hg2+(aq) + 2e_ 

Least active and Silver Ag(s) — —> Ag+(ag) + 
least easily oxidized Gold Au(s) — —> Au3+(aq) + 3e" 

*Hydrogen is included for reference purposes. 

Electrons are transferred from zinc atoms to copper ions. This is a 

redox reaction that occurs spontaneously. As the reaction proceeds, zinc 

atoms lose electrons as they are oxidized to zinc ions. The zinc metal slowly 

dissolves. At the same time, copper ions in solution gain the electrons lost 

by the zinc. They are reduced to copper atoms and are deposited as metal¬ 

lic copper. As the copper ions in solution are gradually replaced by zinc 

ions, the blue color of the solution fades. Balanced half-reactions for this 

redox reaction can be written as follows. 

Oxidation: Zn(s)->Zn2+(aq) + 2e 

Reduction: Cu2+{aq)+2e ->Cu(s) 

If you look at the activity series of metals in Table 21.1, you will see that 

zinc is higher on the list than copper. <^ For any two metals in an activity 

series, the more active metal is the more readily oxidized. As Figure 21.1 

shows, zinc is more readily oxidized than copper because when dipped 

into a copper sulfate solution, zinc becomes plated with copper. In con¬ 

trast, when a copper strip is dipped into a solution of zinc sulfate, the cop¬ 

per does not spontaneously become zinc-plated. This is because copper 

metal is not oxidized by zinc ions. When a zinc strip is dipped into a copper 

sulfate solution, electrons are transferred from zinc metal to copper ions. 

(^Checkpoint) Why doesn't a copper strip that is dipped in zinc sulfate 

solution become spontaneously zinc-plated? 
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Redox Reactions and Electrochemistry An electrochemical process 

is any conversion between chemical energy and electrical energy. All 

electrochemical processes involve redox reactions. If a redox reaction is to be 

used as a source of electrical energy, the two half-reactions must be physi¬ 

cally separated. In the case of the zinc-metal-copper-ion reaction, the elec¬ 

trons released by zinc must pass through an external circuit to reach the 

copper ions if useful electrical energy is to be produced. In that situation, 

the system serves as an electrochemical cell. Alternatively, an electric cur¬ 

rent can be used to produce a chemical change. That system, too, serves as 

an electrochemical cell. An electrochemical cell is any device that converts 

chemical energy into electrical energy or electrical energy into chemical 

energy. Redox reactions occur in all electrochemical cells. 

Voltaic Cells 
In 1800, the Italian physicist Alessandro Volta built the first electrochemical 

cell that could be used to generate a direct (DC) electric current. Figure 21.2 

shows a photograph of Volta’s illustration of one of his early cells. Voltaic 

cells (named after their inventor) are electrochemical cells used to convert 

chemical energy into electrical energy. Electrical energy is produced in 

a voltaic cell by spontaneous redox reactions within the cell. You use a voltaic 

cell every time you turn on a flashlight or a battery-powered calculator. 

Constructing a Voltaic Cell A half-cell is one part of a voltaic cell in 

which either oxidation or reduction occurs. A typical half-cell consists of a 

piece of metal immersed in a solution of its ions. Figure 21.3 on the follow¬ 

ing page shows a voltaic cell that makes use of the zinc-copper reaction. In 

this cell, one half-cell is a zinc rod immersed in a solution of zinc sulfate. 

The other half-cell is a copper rod immersed in a solution of copper sulfate. 

The half-cells are connected by a salt bridge—a tube containing a 

strong electrolyte, often potassium sulfate (K2S04). Salt bridges usually are 

made of agar, a gelatinous substance. A porous plate may be used iristead 

of a salt bridge. The porous plate allows ions to pass from one half-cell to 

the other but prevents the solutions from mixing completely. A wire carries 

the electrons in the external circuit from the zinc rod to the copper rod. A 

voltmeter or light bulb can be connected in the circuit. The driving force of 

such a voltaic cell is the spontaneous redox reaction between zinc metal 

and copper(II) ions in solution. 

The zinc and copper rods in this voltaic cell are the electrodes. An 

electrode is a conductor in a circuit that carries electrons to or from a sub¬ 

stance other than a metal. The reaction at the electrode determines 

whether the electrode is labeled as an anode or a cathode. The electrode at 

which oxidation occurs is called the anode. Because electrons are pro¬ 

duced at the anode, it is labeled the negative electrode. The electrode at 

which reduction occurs is called the cathode. Electrons are consumed at 

the cathode. As a result, the cathode is labeled the positive electrode. Nei¬ 

ther electrode is really charged, however. All parts of the voltaic cell remain 

balanced in terms of charge at all times. The moving electrons balance any 

charge that might build up as oxidation and reduction occur. 

Figure 21.2 Volta built his 

electrochemical cell using 
piles of silver and zinc plates 
separated by cardboard soaked 

in salt water. He used his cell to 
obtain an electrical current. 
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Figure 21.3 In this voltaic cell, 
the electrons generated from the 
oxidation of Zn to Zn2+ flow 

through the external circuit 
(the wire) into the copper strip. 

These electrons reduce the 
surrounding Cu2+ to Cu. To 

maintain neutrality in the 
electrolytes, anions flow through 
the salt bridge. 

How a Voltaic Cell Works The electrochemical process that occurs in a 

zinc-copper voltaic cell can best be described in a number of steps. These 

steps actually occur at the same time. 

1. Electrons are produced at the zinc rod according to the oxidation half¬ 

reaction. 

Zn(s)-> Zn2+(aq) + 2e“ 

Because it is oxidized, the zinc rod is the anode, or negative electrode. 

2. The electrons leave the zinc anode and pass through the external 

circuit to the copper rod. (If a bulb is in the circuit, the electron flow will 

cause it to light. If a voltmeter is present, it will indicate a voltage.) 

3. Electrons enter the copper rod and interact with copper ions in solu¬ 

tion. There the following reduction half-reaction occurs. 

Cu2+(ag) + 2e"-> Cu(s) 

Because copper ions are reduced at the copper rod, the copper rod is 

the cathode, or positive electrode, in the voltaic cell. 

4. To complete the circuit, both positive and negative ions move through 

the aqueous solutions via the salt bridge. The two half-reactions can be 

summed to show the overall cell reaction. Note that the electrons in the 

overall reaction must cancel. 

Zn(s) --» Zn21 (aq) + 2e~ 

Cu2+(aq) + 2e" -—> Cu(s) 

Zn(s) + Cu2+(aq) ——> Zn2+(aq) + Cu(s) 

When the zinc sulfate and copper(II) sulfate solutions in the voltaic 

half-cells are both 1.0M, the cell generates an electrical potential of 1.10 

volts (V). If different metals are used for the electrodes or if different solu¬ 

tion concentrations are used, the voltage will differ. 
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Representing Electrochemical Cells You can represent the zinc-copper 

voltaic cell by using the following shorthand form. 

Zn(s) | ZnS04(ag) || CuS04(a<7) | Cu(s) 

The single vertical lines indicate boundaries of phases that are in contact. 

The zinc rod (Zn(s)) and the zinc sulfate solution (ZnS04(a^)), for example, 

are separate phases in physical contact. The double vertical lines represent 

the salt bridge or porous partition that separates the anode compartment 

from the cathode compartment. The half-cell that undergoes oxidation 

(the anode) is written first, to the left of the double vertical lines. 

(^Checkpoint) Which half-cell is written first in the shorthand 

representation of an electrochemical cell? 

rGo inline 

-—*iU 
For: Links on Electro¬ 

chemical Cells 
Visit: www.SciLinks.org 
Web Code: cdn-1210 

Using Voltaic Cells as Energy Sources 
Although the zinc-copper voltaic cell is of historical importance, it is no 

longer used commercially. Current technologies that use electrochemi¬ 

cal processes to produce electrical energy include dry cells, lead storage bat¬ 

teries, and fuel cells. 

Dry Cells When a compact, portable electrical energy source is required, 

a dry cell is usually chosen. A dry cell is a voltaic cell in which the electrolyte 

is a paste. A type of dry cell that is very familiar to you is the common flash¬ 

light battery, which, despite the name, is not a true battery. In such a dry 

cell, a zinc container is filled with a thick, moist electrolyte paste of manga- 

nese(IV) oxide (Mn02), zinc chloride (ZnCl2), ammonium chloride (NH4C1), 

and water (H20). As shown in Figure 21.4a, a graphite rod is embedded in 

the paste. The zinc container is the anode and the graphite rod is the cath¬ 

ode. The thick paste and its surrounding paper liner prevent the contents of 

the cell from freely mixing, so a salt bridge is not needed. The half-reactions 

for this cell are shown below. 

Oxidation: Zn(s)-> Zn2+{aq) + 2e~ (anode reaction) 

Reduction: 2Mn02(s) + 2NH4+(a^) + 2e~-> 

Mn203(s) + 2NH3(a^) + H20(/) (cathode reaction) 

o Dry Cell 

Positive button (+) 

Graphite rod 
(cathode) 

Moist paste 
of Mn02, 
ZnCI2, NH4CI, 
H20, and 
graphite 
powder 

Zinc (anode) 

Negative end cap ( —) 

Steel case 

Mn02 in KOH paste 

Graphite rod (cathode) 

Absorbent separator 

Zinc (anode) 

Alkaline Battery 

D"">itive button (+) 

Negative end cap ( —) 

Figure 21.4 Both dry cells and 
alkaline batteries are single 

electrochemical cells that 
produce about 1.5 V. © The dry 
cell is inexpensive, has a short 

shelf life, and suffers from 
voltage drop when in use. © The 
alkaline battery costs more than 

the dry cell, has a longer shelf 
life, and does not suffer from 
voltage drop. Inferring What is 

oxidized in these cells and what 
is reduced? 
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Figure 21.5 One cell of a 12-V 

lead storage battery is illustrated 
here. Current is produced when 

lead at the anode and lead(IV) 
oxide at the cathode are both 

converted to lead sulfate. These 
processes decrease the sulfuric 
acid concentration in the battery. 
Reversing the reaction recharges 

the battery. 

Dilute 
sulfuric acid 
(H2S04(ag)) 
electrolyte 

Lead grid filled with 
spongy lead (Pb) (anode) 

Lead grid filled 
with lead(IV) 
oxide (Pb02) 
(cathode) 

In an ordinary dry cell, the graphite rod serves only as a conductor and 

does not undergo reduction, even though it is the cathode. The manganese 

in MnOz is the species that is actually reduced. The electrical potential of 

this cell starts out at 1.5 V but decreases steadily during use to about 0.8 V. 

Dry cells of this type are not rechargeable because the cathode reaction is 

not reversable. 

The alkaline battery, shown in Figure 21.4b on the previous page, is an 

improved dry cell used for the same purposes. In the alkaline battery, the 

reactions are similar to those in the common dry cell, but the electrolyte is 

a basic KOH paste. This change in design eliminates the buildup of ammo¬ 

nia gas and maintains the Zn electrode, which corrodes more slowly under 

alkaline conditions. 

(^Checkpoint) What electrolyte is used in an alkaline battery? 

Lead Storage Batteries People depend on lead storage batteries to 

start their cars. A battery is a group of cells connected together. A 12-V car 

battery consists of six voltaic cells connected together. Each cell produces 

about 2 V and consists of lead grids, as shown in Figure 21.5. One set of 

grids, the anode, is packed with spongy lead. The other set, the cathode, is 

packed with lead(IV) oxide (Pb02). The electrolyte for both half-cells in a 

lead storage battery is concentrated sulfuric acid. Using the same electro¬ 

lyte for both half-cells allows the cell to operate without a salt bridge or 

porous separator. The half-reactions are as follows. 

Oxidation: Pb(s) + SO 42~{aq)-> PbS04(s) + 2e' 

Reduction: Pb02(s) + AW+{aq) + SO f~[aq) + 2e~-> 

PbS04(s) + 2HzO(Z) 

When a lead storage battery discharges, it produces the electrical 

energy needed to start a car. The overall spontaneous redox reaction that 

occurs is the sum of the oxidation and reduction half-reactions. 

Pb(s) + Pb02(.s) + 2H2SO A{aq)->2PbS04(s) + 2HzO(Z) 

This equation shows that lead sulfate forms during discharge. The sulfate 

slowly builds up on the plates, and the concentration of sulfuric acid 

decreases. 

The reverse reaction occurs when a lead storage battery is recharged. 

This reaction occurs whenever the car’s generator is working properly. 

2PbS04(s) + 2HzO(Z)-> Pb(s) + Pb02(s) + 2H2S04(ag) 

This is not a spontaneous reaction. To make the reaction proceed as writ¬ 

ten, a direct current must pass through the cell in a direction opposite that 

of the current flow during discharge. In theory, a lead storage battery can 

be discharged and recharged indefinitely, but in practice its lifespan is lim¬ 

ited. This is because small amounts of lead sulfate fall from the electrodes 

and collect on the bottom of the cell. Eventually, the electrodes lose so 

much lead sulfate that the recharging process is ineffective or the cell is 

shorted out. The battery must then be replaced. The processes that occur 

during the discharge and recharge of a lead-acid battery are summarized in 

Figure 21.6. 
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Starter motor 

Oxidation half-reaction at 

Discharge 

Reduction half-reaction at 

Pb(s) + SO^-(aq) —> PbS04(s) + 2e~ PbO2(s) + 4H+(aq) + SO42“(ag) + 2e~ 

—* PbS04(s) + 2H20(/> 

Switch 
u 
s. 

Anode 

<_) j Cell of f 

R 1 
Cathode "1 

1 
A lead-acid B 

1 
1 

battery 

J 

Cathode 
(+) 

Anode 
(+) 

< 
Reduction half-reaction at Oxidation half-reaction at 

PbS04(s) + 2e“ —■» Pb(s) + SO42~(ag) PbS04(s) + 2H20(/> —» 

Pb02(s) + 4H+(ag) + SO 42~(ag) + 2e~ 

Recharge 
Power supply 

_ 

VOLTAIC 
CELL 

ELECTROLYTIC 
CELL 

Figure 21.6 The lead-acid battery in an automobile acts 
as a voltaic cell (top) when it supplies current to start the 

engine. Some of the power from the running engine is 

used to recharge the battery which then acts as an 
electrolytic cell (bottom). You will learn more about 

electrolytic cells in Section 21.3. 

Fuel Cells To overcome the disadvantages associated with lead storage 

batteries, cells with renewable electrodes have been developed. Such cells, 

called fuel cells, are voltaic cells in which a fuel substance undergoes oxida¬ 

tion and from which electrical energy is continuously obtained. Fuel cells 

do not have to be recharged. They can be designed to emit no air pollutants 

and to operate more quietly and more cost-effectively than a conventional 

electrical generator. 

Perhaps the simplest fuel cell is the hydrogen-oxygen fuel cell, which is 

shown in Figure 21.7 on the following page. In this fuel cell, there are three 

compartments separated from one another by two electrodes made of 

porous carbon. Oxygen (the oxidizer) is fed into the cathode compartment. 

Hydrogen (the fuel) is fed into the anode compartment. The gases diffuse 

slowly through the electrodes. The electrolyte in the central compartment 

is a hot, concentrated solution of potassium hydroxide. Electrons from the 

oxidation half-reaction at the anode pass through an external circuit to 

enter the reduction half-reaction at the cathode. 

Oxidation: 2H2(g) + 40H {aq)-MH20(/) + 4e_ (anode) 

Reduction: O2(g) + 2H20(() + 4e^-> 40H~{aq) (cathode) 

The overall reaction in the hydrogen-oxygen fuel cell is the oxidation of 

hydrogen to form water. 

2H2(g) + 02(g)-> 2H20(/) 

Other fuels, such as methane (CH4) and ammonia (NH3), can be used in 

place of hydrogen. Other oxidizers, such as chlorine (Cl2) and ozone (03), 

can be used in place of oxygen. 
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Hot potassium 
hydroxide electrolyte 
(approx. 20CTC) 

Figure 21.7 The hydrogen- 

oxygen fuel cell is a clean source 
of power. Such cells are often 

used in spacecraft. Predicting 
What waste products, if any, are 
produced? 

Waste steam 

Hydrogen Oxygen 

Since the 1960s, astronauts have used fuel cells as an energy source 

aboard spacecraft. Hydrogen-oxygen fuel cells with a mass of approxi¬ 

mately 100 kg each were used in the Apollo spacecraft missions. Fuel cells 

are well suited for extended space missions because they offer a continu¬ 

ous energy source that releases no pollutants. On space shuttle missions, 

for example, astronauts drink the water produced by onboard hydrogen- 

oxygen fuel cells. Fuel cells are also used as auxiliary power sources for sub¬ 

marines and other military vehicles. At present, however, they are too 

expensive for general use. 

21.1 Section Assessment 

1. Key Concept If the relative activities of two 

metals are known, which metal is more easily 

oxidized? 

2. Key Concept What type of reaction occurs 

during an electrochemical process? 

3. Key Concept What is the source of electrical 

energy produced in a voltaic cell? 

4. Key Concept What are three examples of 

technologies that use electrochemical processes 

to supply electrical energy? 

5. Describe the structure of a dry cell. What sub¬ 

stance is oxidized? What substance is reduced? 

6. What is the electrolyte in a lead storage battery? 

Write the half-reactions for such a battery. 

7. Write the overall reaction that takes place in a 

hydrogen-oxygen fuel cell. What product(s) are 

formed? Describe the half-reactions in this cell. 

8. Predict the result when a strip of copper is 

dipped into a solution of iron(II) sulfate. 

Writing Activity 

Explanatory Paragraph Write a paragraph explain 

ing how a zinc-copper voltaic cell works. Make sure 

to mention the half-reactions and the overall reac¬ 
tion in your explanation. (Hint: Use Figure 21.3 on 

page 666 as a reference.) 

0 

^Textbook 

Assessment 21.1 Test yourself 
on the concepts in Section 21.1. 

> with ChemASAP 
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21.2 Half-Cells and Cell Potentials 

Connecting to Your World a . . 
57 Batteries provide current to 

power lights and many kinds of electronic devices—such as the personal 

digital assistant shown here. One type of battery that you're probably 

familiar with is a car battery.The electrical potential between the negative 

\ and positive terminals of a car battery is 12 V. 

__- . Other common batteries are the ones used 

V.' sx jm *-a. to power flashlights, radios, and CD play¬ 

ers.They are commonly known as AAA, 

AA, C, and D batteries.The electrical 

potential in these batteries is 1.5 V. In 

this section, you will learn how to calcu¬ 

late electrical potential. 

Electrical Potential 
The electrical potential of a voltaic cell is a measure of the cell’s ability to 

produce an electric current. Electrical potential is usually measured in volts 

(V). The potential of an isolated half-cell cannot be measured. For example, 

you cannot measure the electrical potential of a zinc half-cell or of a copper 

half-cell separately. When these two half-cells are connected to form a vol¬ 

taic cell, however, the difference in potential can be measured. The electri¬ 

cal potential of a 1M zinc-copper cell is +1.10 V. 

© The electrical potential of a cell results from a competition for 

electrons between two half-cells. The half-cell that has a greater tendency 

to acquire electrons will be the one in which reduction occurs. Oxidation 

occurs in the other half-cell as there is a loss of electrons. The tendency of a 

given half-reaction to occur as a reduction is called the reduction potential. 

The half-cell in which reduction occurs has a greater reduction potential 

than the half-cell in which oxidation occurs. The difference between the 

reduction potentials of the two half-cells is called the cell potential. 

Guide for Reading 

Key Concepts 
• What causes the electrical 

potential of an electrochemical 
cell? 

• What value is assigned to the 
electrical potential of a standard 
hydrogen electrode? 

• How can you determine the 
standard reduction potential of a 
half-cell? 

• How can you interpret the cell 
potential of a redox reaction in 
terms of the spontaneity of the 
reaction? 

Vocabulary 
electrical potential 

reduction potential 

cell potential 

standard cell potential 

standard hydrogen electrode 

Reading Strategy 
Monitoring Your Understanding 

After you read the section, identify 
what you don't yet understand about 
half-cells and cell potentials. Reread 
the section or ask for help.Then write 
your clarified understanding. 

(reduction potential 

of half-cell in which 

reduction occurs 

/ reduction potential 

of half-cell in which 

\ oxidation occurs 

or po _ po _ pO 
^cell ^red ^oxid 

Figure 21.8 A working voltaic cell can 

be constructed using a lemon and strips 
of copper and zinc. 
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1.00/W acid 
solution 

Salt bridge 
to other 
half-cell Platinum wire 

Glass 
sleeve 

H 2(g) 
(101 kPa) 

Platinum foil 
coated with 
platinum 
black 

Figure 21.9 The standard 
hydrogen electrode is arbitrarily 

assigned a standard reduction 
potential of 0.00 V at 25°C. 

Standard Cell Potential 
The standard cell potential (E°ell) is the measured cell potential when the 

ion concentrations in the half-cells are 1M, any gases are at a pressure of 

101 kPa, and the temperature is 25°C. The symbols E°ed and EjCj represent 

the standard reduction potentials for the reduction and oxidation half¬ 

cells, respectively. The relationship between these values follows the gen¬ 

eral relationship for cell potential given on the previous page. 

F° = F° — F° 
^cell ^red ^oxid 

Because half-cell potentials cannot be measured directly, scientists 

have chosen an arbitrary electrode to serve as a reference. The standard 

hydrogen electrode is used with other electrodes so the reduction poten¬ 

tials of the other cells can be measured. The standard reduction poten¬ 

tial of the hydrogen electrode has been assigned a value of 0.00 V. The 

standard hydrogen electrode, which is illustrated in Figure 21.9, consists of 

a platinum electrode immersed in a solution with a hydrogen-ion concen¬ 

tration of 1M The solution is at 25°C . The electrode itself is a small square 

of platinum foil coated with finely divided platinum, known as platinum 

black. Hydrogen gas at a pressure of 101 kPa is bubbled around the plati¬ 

num electrode. The half-cell reaction that occurs at the platinum black sur¬ 

face is as follows. 

2H+ (aq, 1M) + 2e" H2(g, 101 kPa) E° + = 0.00 V 

The double arrows in the equation indicate that the reaction is revers¬ 

ible. The symbol E^ represents the standard reduction potential of H+. 

The standard reduction potential of H+ is the tendency of H+ ions to 

acquire electrons and be reduced to H2(g). Whether this half-cell reaction 

occurs as a reduction or as an oxidation is determined by the reduction 

potential of the half-cell to which the standard hydrogen electrode is 

connected. 

What components and conditions are required for a 

standard hydrogen electrode? 

@ 

Textbook 
Simulation 27 Simulatethe 
operation of voltaic cells. 

•——with ChemASAP 

Standard Reduction Potentials 
A voltaic cell can be made by connecting a standard hydrogen half-cell to a 

standard zinc half-cell, as shown in Figure 21.10. To determine the overall 

reaction for this cell, first identify the half-cell in which reduction takes 

place. In all electrochemical cells, reduction takes place at the cathode and 

oxidation takes place at the anode. A voltmeter gives a reading of +0.76 V 

when the zinc electrode is connected to the negative terminal and the 

hydrogen electrode is connected to the positive terminal. The zinc is oxi¬ 

dized, which means that it is the anode. Hydrogen ions are reduced, which 

means that the hydrogen electrode is the cathode. You can now write the 

half-reactions and the overall cell reaction. 

Oxidation: Zn(s) -> Zn2+(aq) + 2e" (at anode) 

Reduction: 2H+{aq) + 2e^-> H2(g) (at cathode) 

Cell reaction: Zn(s) + 2H+(aq) -> Zn2+(aq) + H2(g) 
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Figure 21.10 This voltaic cell 
consists of zinc and hydrogen 

half-cells. Interpreting 

Diagrams Where does 
reduction occur, and what is 
reduced in this cell? 

You can determine the standard reduction potential of a half¬ 

cell by using a standard hydrogen electrode and the equation for stan¬ 

dard cell potential. In the zinc-hydrogen cell, zinc was oxidized and hydro¬ 

gen ions were reduced. Let E°ed = E" and E+d = in the standard cell 

potential equation. 

pO _ po _ pO 
'-'cell Med '-‘oxid 

p° _ pO _ pO 
'-'cell '“'Zn2+ 

The cell potential (E°ell) was measured at +0.76 V. The reduction 

potential of the hydrogen half-cell is a defined standard: E°r always equals 

0.00 V. Substituting these values into the preceding equation will give the 

standard reduction potential for the zinc half-cell. 

+ 0.76 V = 0.00 V - E°n2+ 

E°n2+ = -0.76 V 

The standard reduction potential for the zinc half-cell is -0.76 V. The value 

is negative because the tendency of zinc ions to be reduced to zinc metal in 

this cell is less than the tendency of hydrogen ions to be reduced to hydro¬ 

gen gas (H2). Consequently, the zinc ions are not reduced. Instead, the 

opposite occurs: Zinc metal is oxidized to zinc ions. 

Many different half-cells can be paired with the hydrogen half-cell in a 

similar manner. Using this method, the standard reduction potential for 

each half-cell can be obtained. For a standard copper half-cell, for exam¬ 

ple, the measured standard cell potential is +0.34 V. Copper is the cath¬ 

ode, and Cu2+ ions are reduced to Cu metal when the cell operates. The 

hydrogen half-cell is the anode, and H2 gas is oxidized to H+ ions. You can 

calculate the standard reduction potential for copper as follows. 

po _ p0 _ pO 
'-'cell ''red '-'oxid 

p° _ po _ p0 

+ 0.34 V = E°u„ - 0.00 

Ecu2* = + 0-34V 

This value is positive because the tendency for copper ions to be reduced in 

the cell is greater than the tendency of hydrogen ions to be reduced. 

Section 21.2 Half-Cells and Cell Potentials 673 



Electrode 

Reduction Potentials at 25°C with 
1/W Concentrations of Aqueous Species 

Half-reaction E° (V) 

Li+/Li Li+ + e -* Li -3.05 

K+/K K+ + e" ■* K -2.93 

Ba2+/Ba Ba2+ + 2e" -* Ba -2.90 

Ca2+/Ca Ca2+ + 2e -* Ca -2.87 

Na+/Na Na+ + e~ -+ Na -2.71 

Mg2+/Mg Mg2+ + 2e -> Mg -2.37 

AI3+/AI Al3+ + 3e" -+Al -1.66 

H20/H2 2H,0 + 2e -+ H, + 20H -0.83 

Zn2+/Zn Zn2+ + 2e -> Zn -0.76 

Cr3+/Cr Cr3+ + 3e“-> Cr -0.74 

Fe2+/Fe Fe2+ + 2e -> Fe -0.44 

H20/H2 (pH 7) 2H20 + 2e" -* H2 + 20H -0.42 

Cd2+/Cd Cd2+ + 2e~ -> Cd -0.40 

PbSO^Pb PbSO, + 2e' -> Pb + S042- -0.36 

Co2+/Co Co2+ + 2e~ -* Co -0.28 

Ni2+/Ni Ni2+ + 2e -+ Ni -0.25 

Sn2+/Sn Sn2+ + 2e -+ Sn -0.14 

Pb2+/Pb Pb2+ + 2e -+ Pb -0.13 

Fe3+/Fe Fe3+ + 3e -> Fe -0.036 

h+/h2 2H+ + 2e -*H, 0.000 

AgCI/Ag AgCI + e -* Ag + Cl- + 0.22 

Hg2CI2/Hg Hg2CI2 + 2e -> 2Hg + 2CI +0.27 

Cu2+/Cu Cu2+ + 2e- -* Cu + 0.34 

o2/oh- O, + 2H,0 + 4e -+40H + 0.40 

Cu+/Cu Cu+ + e" -* Cu + 0.52 

l2/l l2 + 2e -*21 + 0.54 

Fe3 /Fe2 Fe3+ + e- -* Fe2 +0.77 

Hg22+/Hg Hg22+ + 2e^ ->2Hg +0.79 

Ag /Ag Ag+ + e- -* Ag +0.80 

02/H20 (pH 7) O, + 4H+ + 4e -* 2H20 +0.82 

Hg2+/Hg Hg2+ + 2e ->Hg +0.85 

Br2/Br Br2 + 2e -* 2Br“ + 1.07 

02/H20 O, + 4H+ + 4e~ -* 2H20 

Mn02 + 4H+ + 2e~-* Mn2+ + 2H20 

+ 1.23 

MnO?/Mn2+ 

Cr2 0 72“ + 14H+ + 6e~ 

+ 1.28 

Cr207 /Cr -* 2Cr3+ + 7H20 + 1.33 

CI2/CI Cl2 + 2e -* 20 + 1.36 

Pb02/Pb2" Pb02 + 4H+ + 2e~ -* Pb2+ + 2H20 + 1.46 

Mn04 /Mn2 Mn04 + 8H+ + 5e -* Mn2+ + 4H20 + 1.51 

Pb02/PbS04 Pb02 + 4H+ + SO 2^ + 2e~ -* PbS04 + 2H,0 + 1.69 

f2/f F, + 2e -> 2F~ + 2.87 
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Table 21.2 on the preceding page lists some standard reduction poten¬ 

tials at 25°C. The half-reactions are arranged in increasing order of their 

tendency to occur in the forward direction—that is, as a reduction. Thus, 

the half-reactions at the top of the table have the least tendency to occur as 

reductions. The half-reactions at the bottom of the table have the greatest 

tendency to occur as reductions. For example, lithium ions (at the top) 

have very little tendency to be reduced to lithium metal. 

Calculating Standard Cell Potentials 
To function, a cell must be constructed of two half-cells. The half-cell reac¬ 

tion having the more positive (or less negative) reduction potential occurs 

as a reduction in the cell. With this in mind, it is possible to write cell reac¬ 

tions and calculate cell potentials for cells without actually assembling 

them. You can simply use the known standard reduction potentials for the 

various half-cells (from Table 21.2) to predict the half-cells in which reduc¬ 

tion and oxidation will occur. This information can then be used to find the 

resulting E°ell value. If the cell potential for a given redox reaction is pos¬ 

itive, then the reaction is spontaneous as written. If the cell potential is nega¬ 

tive, then the reaction is nonspontaneous. This latter reaction will be 

spontaneous in the reverse direction, however, and the cell potential will 

then have a numerically equal but positive value. 

CONCEPTUAL PROBLEM 21.1 

Determining Reaction Spontaneity 

Many hearing aid batteries contain zinc and silver oxide. Show that 

the following redox reaction between Zn and Ag+ is spontaneous. 

Zn(s) + 2hg+{aq) —-+-Zn2+ [aq) + 2Ag (s) 

Analyze Identify the relevant concepts. 

Identify the half-reactions, and calculate the 

standard cell potential (E°ell = E°ed - E")Xid). If 

E“eu is positive, the reaction is spontaneous. 

Solve Apply concepts to this situation. 

The half-reactions from the equation are: 

Oxidation: Zn(s)->Zn2+(aq) + 2e 

Reduction: Ag+{aq) + e~-►Ag(s) 

Practice Problems 

9. Determine whether the following redox reaction 

will occur spontaneously. 

3Zn 2+{aq) + 2Cr(s)-»3Zn(s) + 2Cr3+(a<7) 

10. Is this redox reaction spontaneous as written? 

Co2+(a<7) + Fe(s)->¥e2+{aq) + Co(s) 

Use Table 21.2 to look up the standard reduc¬ 

tion potentials for the half-cells. 

Zn2+{aq) + 2e~ -» Zn(s) E°n„ = -0.76 V 

Ag+ {aq) + e~ -» Ag(s) E“g. = +0.80 V 

Calculate the standard cell potential. 

F° — F° — F° = F° — F° 
^cell ^red ^oxid ^Ag4^ 1=4Zn2+ 

= 0.80 V - (-0.76 V) =+1.56 V 

E°eU > 0, so the reaction is spontaneous. 

o 

"^Textbook 
Problem-Solving 21.9 Solve 
Problem 9 with the help of an 
interactive guided tutorial. 

--with ChemASAP 
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SAMPLE PROBLEM 21.1 

Writing the Cell Reaction 

Determine the cell reaction for a voltaic cell composed of the following 

half-cells. 

Fe3+(a<7) + e~ -> Fe2+(aq) E°o3+ = + 0.77 V 

Ni2+(aq) + 2e~ -> Ni(s) E°IJ2+ = -0.25 V 

"Fe3* 

-Ni2+ 

fjj Analyze List the knowns and the unknowns. 

Knowns 

• E°e3t = +0.77 V 

• E°Ni2. = -0.25 V 

Unknowns 

• cell reaction = ? 

•E«ell = ?V 

The half-cell with the more positive reduction potential is the one in 

which reduction occurs (the cathode). That means that the oxidation 

reaction occurs at the anode. Add the half-reactions, making certain that 

the number of electrons lost equals the number of electrons gained. 

Calculate Solve for the unknowns. 

The Fe3+ half-cell, which has the more positive reduction potential, is 

the cathode. So in this voltaic cell, Fe3+ is reduced and Ni is oxidized. 

The half-cell reactions, written in the direction in which they actually 

occur, are as follows. 

Oxidation: Ni(s) --> Ki2+{aq) + 2e~ (at anode) 

Reduction: Fe3+{aq) + e->Fe2+{aq) (at cathode) 

Before adding the half-reactions, be sure that the electrons cancel— 

that is, that they are present in equal number on both sides of the 

equation. Because Ni loses two electrons as it is oxidized, while Fe3+ 

gains only one electron as it is reduced, you must multiply the Fe3+ 

half-cell equation by 2. 

Ni(s) -* Ni2+(aq) + 2e~ 

2[Fe3+(aq) + e~ --> Fe2+(aq)] 

Ni(s) + 2Fe3+(aq') -> Ni2+(a<7) + 2Fe2+(aq) 

@> Evaluate Does the result make sense? 

The electrons cancelled when the half-reactions were added. The 

equation for the cell reaction is correctly written. 

Practice Problems 

11. A voltaic cell is constructed using 12. A voltaic cell is constructed using 

Textbook 

Problem-Solving21.12 Solve 
Problem 12 with the help of an 
interactive guided tutorial. 

_with ChemASAP 

the following half-reactions. 

Cu2+(ar7) + 2e Cu(s) 

the following half-reactions. 

Ag\aq) + e" -> Ag(s) 

E°u2t = + 0.34 V E°g+ = + 0.80 V 

M3+(aq) + 3e + Al(s) Cu 2+(aq) + 2e -> Cu(5) 

E°p, = -1.66 V 

Determine the cell reaction. 

E°u2, = +0.34 V 

Determine the cell reaction. 
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SAMPLE PROBLEM 21.2 

Calculating the Standard Cell Potential 

Calculate the standard cell potential for the voltaic cell described in 

Sample Problem 21.1. The half-reactions are as follows. 

Fe3+(aq) + e~ -> Fe2+(aq) E°e,. = +0.77 V 

Ni2+{aq) + 2er -* Ni(s) E°;2+ = -0.25 V 
--- 

O Analyze List the knowns and the unknown. 

Knowns Unknown 

• E°e3+ = + 0.77 V * E«ell = ? 

•E°j2+ = -0.25 V 

• cathode: Fe3+ half-cell 

Use the equation E“eU = E°ed - E°xid to calculate standard cell potential. 

Math „ Handbook 

For help with significant 
figures, go to page R59. 

• J Evaluate Does the result make sense? 

If the reduction potential of the reduction is positive, and the reduc¬ 

tion potential of the oxidation is negative, E°el, must be positive. 

13. A voltaic cell is constructed using 14. A voltaic cell is constructed using 

the following half-reactions. the following half-reactions. 

Cu2+(aq) + 2e -* Cu(s) Ag+{aq) + e -» Ag(s) 

E°Cu- = + 0.34 V E°g, = +0.80 V 

M3+(aq) + 3e -» Al(s) Cu2+(aq) + 2e~ -> Cuf.sj 

EV = -1.66 V E°U2, = + 0.34 V 

Calculate the standard cell Calculate the standard cell 

potential. potential. 

0 Calculate Solve for the unknown. 

F° 
Ecell 

F° 
Ered 

F° ■^oxid 
po _ p0 
J-'Fe3+ -^Ni24 

= +0.77 V — (—0.25 V) = + 1.02 V 

21.2 Section Assessment 

15. Key Concept What causes the electrical 

potential of a cell? 

16. Key Concept What is the electrical potential 

of a standard hydrogen electrode? 

17. Key Concept How can you find the standard 

reduction potential of a half-cell? 

18. Key Concept What cell potential values indi¬ 

cate a spontaneous reaction? A nonspontaneous 

reaction? 

19. The standard reduction potential for a cadmium 

half-cell is -0.40 V. What does this mean? 

Connecting Concepts 

Batteries Reread the discussion on batteries in Sec¬ 
tion 21.1. Use Figure 21.6 and Table 21.2 to calculate 

the standard cell potential of a voltaic cell in a lead- 
acid battery. 

9 

^Textbook 

Assessment 21.2 Test yourself 
on the concepts in Section 21.2. 

■   .with ChemASAP 
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Guide for Reading 

<T^ Key Concepts 
• How do voltaic and electrolytic 

cells differ? 

• What products are formed by 

the electrolysis of water? 

• What oxidation and reduction 

reactions occur during the 

electrolysis of brine? 

• How are electrolytic cells used 

in metal processing? 

Vocabulary 
electrolysis 

Connecting to Your World DVDs are used t0 store all types 

of data, from multimedia computer programs to the latest popular movie. 

DVDs have made it possible to store large amounts of data in a very small 

space.To manufacture a DVD, a laser is used to transfer all the necessary 

data to the master DVD.Then, metal is def 

ited on the master using electricity. Once 

the metal disc is removed from the mas¬ 

ter, it is used to stamp out the dupli¬ 

cates sold to the public. In this section, 

you will read about electrochemical pro¬ 

cesses that require (rather than produce) 

electrical energy. 

rr» 
electrolytic cell 

Reading Strategy Electrolytic vs. Voltaic Cells 
Relating Text and Visuals As 

you read about electrolytic cells, 

look at Figure 21.12. Make sure 

that you can explain the differ¬ 

ences between a voltaic cell and 

an electrolytic cell. 

Figure 21.11 To 
produce chlorine and 
sodium hydroxide in 
electrolytic cells, 
electricity is passed 
through brine, a sodium 
chloride solution. The 
products have many uses, such 
as disinfecting swimming pools, 
cleaning drains, manufacturing 
soap, and producing paper pulp. 

In Section 21.1, you learned how a spontaneous chemical reaction can be 

used to generate a flow of electrons (an electric current). In this section, 

you will learn how an electric current can be used to make a nonspontane- 

ous redox reaction go forward. The process in which electrical energy is 

used to bring about such a chemical change is called electrolysis. Although 

you may not have realized it, you are already familiar with some results of 

electrolysis: silver-plated dishes and utensils, gold-plated jewelry, and 

chrome-plated automobile parts are a few examples. 

The apparatus in which electrolysis is carried out is an electrolytic cell. 

An electrolytic cell is an electrochemical cell used to cause a chemical 

change through the application of electrical energy. An electrolytic cell 

uses electrical energy (direct current) to make a nonspontaneous redox 

reaction proceed to completion. The vast array of electrolytic cells shown 

in Figure 21.11 are used for the commercial production of 

chlorine and sodium hydroxide from brine, a concen¬ 

trated aqueous solution of sodium chloride. 
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Battery 

Anode 
(Oxidation) 

r 

Energy 

Anode 
(Oxidation) 

Cathode 
(reduction) 

Electrolytes 

Porous 
plate 
or salt 
bridge 

+ - 

Energy 

* 

) 
Cathode 
(reduction) 

o Voltaic Cell © Electrolytic Cell 

Figure 21.12 Electrochemical cells can be classified as voltaic or electrolytic. © 

In a voltaic cell, energy is released from a spontaneous redox reaction. The system 
(cell) does work on the surroundings (lightbulb). © In an electrolytic cell, energy 

is absorbed to drive a non-spontaneous reaction. The surroundings (battery or 
power supply) do work on the system (cell). Comparing and Contrasting 
How are voltaic and electrolytic cells similar? How are they different? 

In both voltaic and electrolytic cells, electrons flow from the anode to 

the cathode in the external circuit. As shown in Figure 21.12, for both'types 

of cells, the electrode at which reduction occurs is the cathode. The elec¬ 

trode at which oxidation occurs is the anode. 

The key difference between voltaic and electrolytic cells is that in a 

voltaic cell, the flow of electrons is the result of a spontaneous redox reaction, 

whereas in an electrolytic cell, electrons are pushed by an outside power 

source, such as a battery. The redox process in the voltaic cell is spontane- 

. ous; in the electrolytic cell, the redox process is nonspontaneous. Electro¬ 

lytic and voltaic cells also differ in the assignment of charge to the 

electrodes. In an electrolytic cell, the cathode is considered to be the nega- Itive electrode. This is because it is connected to the negative electrode of 

the battery. (Remember that in a voltaic cell, the anode is the negative elec¬ 

trode and the cathode is the positive electrode.) The anode in the electro¬ 

lytic cell is considered to be the positive electrode because it is connected 

to the positive electrode of the battery. It is important to remember these 

conventions about the two kinds of cells. 

What charges are assigned to the electrodes in an 
electrolytic cell? In a voltaic cell? 

(^Checkpoint) 
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Figure 21.13 When an electric 

current is passed through water, 

the water decomposes into 
oxygen gas and hydrogen gas. 

Interpreting Photographs 
Which electrode in the photo¬ 

graph is the cathode? The 

anode? 

Electrolysis of Water 
When a current is applied to two electrodes immersed in pure water, noth¬ 

ing happens. There is no current flow and no electrolysis. However, when 

an electrolyte such as H2S04 or KN03 in low concentration is added to the 

pure water, the solution conducts electricity and electrolysis occurs. This 

process is illustrated in Figure 21.13. The products of the electrolysis of 

water are hydrogen gas and oxygen gas. Water is reduced to hydrogen at the 

cathode according to the following reduction half-reaction. 

Reduction: 2H20(/) + 2e“-> H2(g) + 20H~{aq) (at cathode) 

Water is oxidized at the anode according to the following oxidation half¬ 

reaction. 

Oxidation: 2H20(Z)-> 02(g) + 4H+ {aq) + 4e“ (at anode) 

The region around the cathode turns basic due to the production of 

OFF” ions. The region around the anode turns acidic due to an increase in 

H+ ions. The overall cell reaction is obtained by adding the half-reactions 

(after doubling the first one to balance electrons). 

Reduction: 2[2HzO(Z) + 2e“ -> H2(g) + 20W~(aq)} 

Oxidation: 2HzO(Z) -» 02(g) + 4H+(aq) + 4e~ 

Overall cell reaction: 6H20(Z) -> 2H2(g) + 02(g) + 

4H+(aq) + 40H ~(aq) 

The ions produced tend to recombine to form water. 

m+(aq) + 40H ~{aq)-MH20(Z) 

For that reason they are not included in the net reaction. 

2HzO(Z) dectrolysis> 2H2(g) + 02(g) 
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Battery 

Electrolysis of Brine 
If the electrolyte in an aqueous solution is more easily oxidized or reduced 

than water, then the products of electrolysis will be substances other than 

hydrogen and oxygen. An example is the electrolysis of brine, a concen¬ 

trated aqueous solution of sodium chloride, which simultaneously pro¬ 

duces chlorine gas, hydrogen gas, and sodium hydroxide. The electrolytic 

cell for this process is shown in Figure 21.14. 

During electrolysis of brine, chloride ions are oxidized to produce 

chlorine gas at the anode. Water is reduced to produce hydrogen gas at the 

cathode. Sodium ions are not reduced to sodium metal in the process 

because water molecules are more easily reduced than are sodium ions. 

The reduction of water produces hydroxide ions as well as hydrogen gas. 

Thus the electrolyte in solution becomes sodium hydroxide (NaOH). The 

half-reactions are 

Oxidation: 2C1 ~{aq)-> Cl2(g) + 2e" (at anode) 

Reduction: 2H20(Z) + 2e~->H2(g) + 20H~(aq) (at cathode) 

The overall ionic equation is the sum of the two half-reactions. 

2C\-{aq) + 2H20(Z)-> Cl2(g) + H2(g) + 20H“ [aq) 

The spectator ion Na+ can be included in the equation (as part of NaCl and 

of NaOH) to show the formation of sodium hydroxide during the electro¬ 

lytic process. 

2NaCl(aq) + 2HzO(Z)-> Cl2(g)+ H2(g)+ 2NaOH(aq) 

When the sodium hydroxide solution is about 10% (m/v), it is removed 

from the cell and processed further. 

What is the overall ionic equation for the electrolysis of 

brine? 
(^Checkpoint) 

Cl2 

Anode reaction 
2CI (aq) —> Cl2(q) + 2e 

H2 
Cathode reaction 
2H20(/) + 2e“-» 

H 2(g) + 20H ~(aq) 

Anode Cathode 

Figure 21.14 The electrolytic 
cell used for the electrolysis of 

brine. Interpreting Diagrams 
Which substances are produced 
by oxidation? By reduction? 

For: Links on Electrolysis 
Visit: www.SciLinks.org 
Web Code: cdn-1213 
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Electrochemical Analysis of Metals 

Purpose 

To electrochemically oxi¬ 

dize metals and identify the 

products. 

Materials 
• 9-volt battery 

• sodium sulfate solution 

• copper penny 

• nickel coin 

• iron nail 

• filter paper 

• aluminum foil 

• reaction surface 

Procedure ifll fil ^I@ 
1. Stack the following in order on a reac¬ 

tion surface: a 3-cm square of alumi¬ 

num foil, a 2-cm square of filter paper, 1 

drop of Na2S04 solution, and a penny. 

The penny should be roughly centered 

on the filter paper, which should be 

roughly centered on the foil. 

2. Apply the negative (—) terminal of the 

9-volt battery to the aluminum foil and 

the positive (+) terminal to the penny 

for no more than three seconds. 

3. Remove the penny and observe the 

filter paper. 

4. Repeat Steps 1 -3, replacing the penny 

with the nickel coin. 

5. Repeat Steps 1-3, replacing the penny 

with the iron nail. 

Analyze and Conclude 

1. What colors formed on the filter paper 

for each object? 

2. For each metal object you tested, the 

battery oxidized the metal to form 

metal cations with a 2+ charge.Write a 

half-reaction for each metal oxidation 

you observed. Did these reactions take 

place at the anode or the cathode? 

3. Explain in your own words why the 

colors formed in the filter paper. 

4. The aluminum foil serves as the cath¬ 

ode, where the reduction of water 

takes place. Write the half-reaction for 

the reduction of water. 

5. Combine the half-reaction for the oxi¬ 

dation of copper with the half-reaction 

for the reduction of water to form an 

overall equation. 

___/ 

@ 

Textbook 

Animation 27 Take an 
atomic-level look at how 
electricity can bring about 
a chemical change. 

>-with ChemASAP 

Using Electrolysis in Metal Processing 
Electrolysis has many important applications in the field of metallurgy. 

Electrolytic cells are commonly used in the plating, purifying, and refin¬ 

ing of metals. Many of the shiny, metallic objects you see every day—such 

as chrome-plated fixtures or nickel-plated coins—were manufactured with 

the help of electrolytic processes. 

Electroplating and Electroforming Electroplating is the deposition of 

a thin layer of a metal on an object in an electrolytic cell. An object may be 

electroplated to protect the surface of the base metal from corrosion or to 

make it more attractive. An object that is to be silver-plated is made the cath¬ 

ode in an electrolytic cell. The anode is the metallic silver that is to be depos¬ 

ited, and the electrolyte is a solution of a silver salt, such as silver cyanide. 

When a direct current is applied, silver ions move from the anode to the 

object to be plated. 

Reduction: Ag +{aq) + e“-> Ag(s) (at cathode) 
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The net result is that silver transfers from the silver electrode to the 

object being plated. Figure 21.15 shows a silver-plated tea set. Many factors 

contribute to the quality of the metal coating that forms. In the plating 

solution, the concentration of the cations to be reduced must be carefully 

controlled. The solution must also contain compounds to control the acid¬ 

ity and to increase the conductivity. Other compounds may be used to 

make the metal coating brighter or smoother. 

Electroforming is a process in which an object is reproduced by making 

a metal mold of it at the cathode of a cell. For example, a phonograph 

record can be coated with metal so it will conduct a current. It is then elec¬ 

troplated with a thick coating of metal. This coating can be stripped off and 

used as a mold to produce copies of the record. 

Electrowinning In another process, called electrowinning, impure met¬ 

als can be purified in electrolytic cells. The cations of molten salts or aque¬ 

ous solutions are reduced at the cathode to give very pure metals. A common 

use of electrowinning is in the extraction of aluminum from its ore, bauxite. 

Bauxite is impure alumina (A1203). In a method known as the Hall-Heroult 

process, purified alumina is dissolved in molten cryolite (Na3AlF6), and 

heated to above 1000°C in a carbon-lined tank. The carbon lining, connected 

to a direct current, serves as the cathode. The anode consists of carbon rods 

dipped into the tank. At the cathode, Al3+ ions are reduced, forming molten 

aluminum. At the anode, carbon is oxidized, forming carbon dioxide gas. 

2A1203(Z) + 3C(s)-> 4A1(Z) + 3CO 2(g) 

Electrorefining In the process of electrorefining, a piece of impure 

metal is made the anode of the cell. It is oxidized to the cation and then 

reduced to the pure metal at the cathode. This technique is used to obtain 

ultrapure silver, lead, and copper. 

Other Processes Other electrolytic processes are centered on the anode 

rather than the cathode. In electropolishing, for example, the surface of an 

object at the anode is dissolved selectively to give it a high polish. In elec¬ 

tromachining, a piece of metal at the anode is partially dissolved until the 

remaining portion is an exact copy of the object at the cathode. 

Figure 21.15 Pure silver was 
electroplated onto steel to 

produce this silver-plated tea set. 

21.3 Section Assessment 

20. Key Concept What is the difference between 

an electrolytic cell and a voltaic cell? 

21. Key Concept What products form during the 

electrolysis of water? 

22. Key Concept What chemical changes occur 

during the electrolysis of brine? 

23. Key Concept What are some applications of 

electrolysis in the field of metallurgy? 

24. What is the charge on the anode of an electrolytic 

cell? Of a voltaic cell? 

25. Which process, oxidation or reduction, always 

occurs at the cathode of an electrolytic cell? 

Handbook 

Manufacturing Aluminum Read about the Hall- 
Heroult process on page R17. Write the half-reactions 

for the electrolysis that takes place, and explain the 

function of cryolite in the process. 

Textbook 

Assessment 21.3 Test yourself 
on the concepts in Section 21.3. 

-with ChemASAP 
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Small-Scale 
LAB 

Electrolysis of Water 

Purpose 
To electrolyze solutions and interpret your observations in 

terms of chemical reactions and equations. 

Materials 
• pencil 

• paper 

• ruler 

• reaction surface 

• electrolysis device 

• chemicals shown in Figure A 

Procedure (ip Jill 8§! IS O 
1. On separate sheets of paper, draw two grids similar to 

Figure A. Make each square 2 cm on each side. 

2. Place a reaction surface over one of the grids and add 

one drop of each solution as shown in Figure A. 

3. Apply the leads of the electrolysis device to each solu¬ 

tion. Be sure to clean the leads between each experi¬ 

ment. Look carefully at the cathode (negative lead) and 

the anode (positive lead). 

4. Use the second grid as a data table to record your 

observations for each solution. 

H20 l\la2S04 l\la2S04 + BTB 

Figure A 

Analyze 

Using your experimental data, record the answers to the 

following questions below your data table. 

1. Explain why pure water does not conduct electricity 

and does not undergo electrolysis. 

2. Explain why water with sodium sulfate conducts elec¬ 

tricity and undergoes electrolysis. 

3. The cathode (negative lead) provides electrons to 

water and the following half-reaction occurs. 

2H20 + 2e~-» H2(g) + 20H 

Explain how your observations correspond to the prod¬ 

ucts shown in this reaction. 

% 

4. The anode (positive lead) takes away electrons from 

water and the following half-reaction occurs. 

H20 -* j02(g) + 2H+ + 2e“ 

Explain how your observations correspond to the prod¬ 

ucts shown in this reaction. 

5. Add the two half-reactions to obtain the overall 

reaction for the electrolysis of water. Simplify the result 

by adding the OFT and Fl+ to get HOFI, and then 

canceling anything that appears on both sides of 

the equation. 

You're the Chemist 

The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Analyze It! Perform the above experiment using the 

chemicals shown in Figure B. Record your results.The 

cathode and anode reactions are 

2H20 + 2e- Fl2(g) + 20FI (at cathode) 

21" l2(aq) + 2e (at anode) 

Explain how your observations correspond to the prod¬ 

ucts shown in these half-reactions. 

Kl Kl -F starch Kl + BTB 

Figure B 

2. Design It! Design an experiment to explore what hap¬ 

pens when you electrolyze NaCI, KBr, and CuS04 with 

and without BTB. Use half-reactions to predict your 

results. 

3. Analyze It! For each half-reaction listed above, look up 

the E° values in Section 21.2. Show that the E° values 

are consistent with what happens in each case. 
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Technology & Society 

Electroplating 

Electroplating is the use of electrolysis to deposit a thin coating of 

metal on an object, often to enhance its appearance or value. 

Metals commonly used for electroplating include gold, silver, 

copper, nickel, and chromium.The layer of the deposited metal is 

very thin, usually from 5 X 1CT5 cm to 1 XI0-3 cm thick. In addition 

to jewelry and tableware, common electroplated objects include 

electronic connectors, circuit boards, and contacts coated with 

Plating Metals Gold and silver 

are often used to plate jewelry. 

Chrome and nickel are used to 

plate faucets, kitchen appliances, 

and automotive trim.Zinc 

coatings are used to protect steel 

objects from corrosion. 

elements such as gold, platinum, ruthenium, or osmium. 

Applying Concepts What are the half-reactions for the 

electrolytic cell shown below? 

Cathode: 

material 

being plated 

Electroplating In an electrolytic cell used for plating, 

the object to be plated (a bracelet) is the cathode. 

The anode is the plating metal, in this case, a piece 

of silver. At the anode, silver is oxidized to silver ions. 

Silver ions in the electrolyte solution reduce to silver 

metal.The silver metal forms a thin coating on the 

cathode, producing a plated bracelet. 

Anode: 

silver rod 

Ag+ 

CN-& 
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CHAPTER 

21 Study Guide 

Key Concepts 

21.1 Electrochemical Cells 

• For any two metals in an activity series, 
the more active metal is the more readily 
oxidized. 

• All electrochemical processes involve redox 
reactions. 

• Energy is produced in a voltaic cell by spon¬ 
taneous redox reactions within the cell. 

• Current electrochemical technologies used 
to produce electrical energy include dry 
cells, lead storage batteries, and fuel cells. 

21.2 Half-Cells and Cell Potentials 

• The electrical potential of a cell results from 
a competition for electrons between two 
half-cells. 

• The standard reduction potential of the 
hydrogen electrode has been assigned a 
value of 0.00 V. 

• You can determine the standard reduction 
potential of a half-cell by using a standard 

hydrogen electrode and the equation for 
standard cell potential. 

• If the cell potential for a given redox reaction 
is positive, then the reaction is spontaneous. 
If the cell potential is negative, then the reac¬ 
tion is nonspontaneous. 

21.3 Electrolytic Cells 

• The key difference between voltaic and elec¬ 
trolytic cells is that in a voltaic cell, the flow 
of electrons is the result of a spontaneous 
redox reaction, whereas in an electrolytic 
cell, electrons are pushed by an outside 
power source, such as a battery. 

• The products of the electrolysis of water are 
hydrogen gas and oxygen gas. 

• During electrolysis of brine, chloride ions are 
oxidized to produce chlorine gas at the 
anode; water is reduced at the cathode to 
produce hydrogen gas. 

• Electrolytic cells are commonly used in the 
plating, purifying, and refining of metals. 

Vocabulary 

anode (p. 665) 

battery (p. 668) 

cathode (p. 665) 

cell potential (p. 671) 

dry cell (p. 667) 

electrical potential (p. 671) 

electrochemical cell (p. 665) 

electrochemical process (p. 665) 

electrode (p. 665) 

electrolysis (p. 678) 

electrolytic cell (p. 678) 

fuel cell (p. 669) 

half-cell (p. 665) 

reduction potential (p. 671) 

salt bridge (p. 665) 

standard cell potential (p. 672) 

standard hydrogen electrode 
(p. 672) 

voltaic cell (p. 665) 

Key Equation 
pO — pO _ po 
^cell ^red ^oxid 

Organizing Information 

Use these terms to construct a 
concept map that organizes 
the major ideas of this chapter. 

leracthrc 
Textbook 

Concept Map 21 Solve the 
Concept Map with the help of 
an interactive guided tutorial. 

«.- with ChemASAP 
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Assessment 

CHAPTER 

Reviewing Content 

21.1 Electrochemical Cells 

26. What is meant by the term half-reaction? 

27. Write the half-reactions that occur when a 

strip of aluminum is dipped into a solution of 

copper(II) sulfate. 

28. What would you expect to happen when a strip 

of lead is placed in an aqueous solution of mag¬ 

nesium nitrate? 

29. For each pair of metals listed below, decide 

which metal is more readily oxidized. 

a. Hg, Cu b. Ca, A1 c. Ni, Mg 

d. Sn, Ag e. Pb, Zn f. Cu, A1 

30. At which electrode in a voltaic cell does reduc¬ 

tion always occur? 

31. Explain the function of the salt bridge in a 

voltaic cell. 

32. In a typical flashlight battery, what material is 

used for the anode? For the cathode? 

33. Explain why the specific gravity of the electrolyte 

in a lead storage battery decreases during the 

discharge process. 

34. Use the shorthand method to represent the elec¬ 

trochemical reaction in a car battery. 

35. Fuel cells can be designed to generate electrical 

energy while emitting no air pollutants, yet they 

are not widely used. Explain. 

36. List the advantages of a fuel cell over a lead 

storage battery. 

21.2 Half-Cells and Cell Potentials 

37. How was the standard reduction potential of the 

hydrogen electrode determined? 

38. What is the electric potential of a cell? 

39. How does the order of the metals in Table 21.1 on 

page 664 compare with the order in Table 21.2? 

Why? 

40. Explain how to determine the standard reduc¬ 

tion potential for the aluminum half-cell. 

41. Determine whether these redox reactions will 

occur spontaneously. Calculate the standard cell 

potential in each case. 

a. Cu(s) + 2H+ {aq)-> Cu2+(aq) + H2(g) 

b. 2Ag(s) + Fe2+{aq)-> 2\g'(aq) + Fe(s) 

42. Use the information in Table 21.2 on page 674 to 

calculate standard cell potentials for these vol¬ 

taic cells. 

a. Ni|Ni2+]|Cl2|Cl- 

b. Sn | Sn2+ ||Ag+ |Ag 

21.3 Electrolytic Cells 

43. Why is direct current, not alternating current, 

used in the electroplating of metals? 

44. Describe briefly how you would electroplate a 

teaspoon with silver. 

Use the diagram to answer Questions 45-47. 

45. Write an equation for the decomposition of 

water by electrolysis. 

46. At which electrode, A or B, is hydrogen 

produced? 

47. The equation for the electrolysis of brine is 

2NaCl(ag) + 2H20(/)-> 

Cl2(g) + H2(g) + 2NaOH(ag) 

How would you modify the electrolysis diagram 

to make it quantitatively represent the forma¬ 

tion of hydrogen and chlorine? 

48. Distinguish between voltaic and electrolytic 

cells. 

49. Why is it not possible to measure the potential of 

an isolated half-cell? 
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Assessment continued 

Understanding Concepts 

50. Describe the composition of the anode, cath¬ 

ode, and electrolyte in a fully discharged lead 

storage battery. 

51. Predict what will happen, if anything, when an 

iron nail is dipped into a solution of copper 

sulfate. Write the oxidation and reduction half¬ 

reactions for this process and the balanced 

equation for the overall reaction. 

52. Calculate E°ell and write the overall cell reaction 

for these cells. 

a. Sn[ Sn2+1[ Pb2+1 Pb 

b. H2|H+ || Br21Br_ 

53. What property do lead(II) sulfate and lead diox¬ 

ide have that makes salt bridges unnecessary in 

a lead storage battery? 

54. Complete this data table for the electrolysis of 

water. 

H20 used H2 formed 02 formed 

a. 2.0 mol mol mol 

b. g g 16.0 g 

c._mL 10.0 g - g 

d. 44.4 g g - g 

e- 9 8.80 L (STP) L (STP) 

f. 66.0 mL g L (STP) 

55. In one process used to produce aluminum 

metal, ore containing aluminum oxide is con¬ 

verted to aluminum chloride. Aluminum metal 

is then produced by the electrolysis of molten 

aluminum chloride (A1C13). 

a. Write the half-reactions that take place 

at each electrode. 

b. Write the equation for the overall cell 

reaction. 

c. Identify the products produced at each 

electrode. 

56. What relationship does the voltage produced by 

a redox reaction have to the spontaneity of the 

reaction? 

57. The reactions that take place in voltaic cells 

produce electric current and the reactions in 

electrolytic cells can be made to take place when 

an electric current is applied. What common 

feature do these redox reactions share? 

58. Use the information in Table 21.2 to determine 

which of the following cell reactions will proceed 

spontaneously. 

a. Zn + Pb2+-^ ? 

b. Cu + Fe2+-* ? 

c. Ag + Cu2+-> ? 

d. H2 + Cu-* ? 

e. Fe + Pb2+-# ? 

f. Na + Cl2-* ? 

59. For each spontaneous reaction in Question 58, 

write the half-reaction that takes place at the 

anode. Be sure to include the electrons. 

60. Write the overall balanced equation for each 

reaction in Question 58 that proceeds 

spontaneously. 

61. Determine the standard cell potential for each 

spontaneous reaction in Question 58. 

62. In certain cases, more than one reaction is possi¬ 

ble at an electrode. How can you determine 

which reaction actually takes place? 

63. Answer the following questions for the electroly¬ 

sis of brine (concentrated sodium chloride 

solution). 

a. Write the equations for the two possible reac¬ 

tions that can take place at the anode? 

b. Write the equations for the two possible reac¬ 

tions that can take place at the cathode? 

c. Which reaction actually takes place at the 

anode? Explain why this reaction takes place 

in preference to the other possible reaction. 

d. Which reaction actually takes place at the 

cathode? Explain why this reaction takes place 

in preference to the other possible reaction. 

64. Identify the better oxidizing agent in each of the 

following pairs. 

a. Li+, Ca2+ 

b. Fe3+, Hg22+ 

c. Cu2+, Cu+ 

d. Hg2+, I2 

65. Gold is not included in Table 21.2 on page 674. In 

what part of the table does gold belong? 

66. Lead storage batteries can be recharged. Wiry are 

dry cells not rechargeable? 
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Critical Thinking Concept Challenge 

67. For any voltaic cell, chemists consider the elec¬ 

trode that produces electrons to be negative, and 

they call it the anode. Most dictionaries, how¬ 

ever, define the anode as the positively charged 

electrode. Explain. 

68. Describe the process that is occurring in the 

following illustration. 

Ag anode 

69. Which plot is characteristic of a dry cell? Explain 

your answer. 

(a) (c) 

Time Time 

70. An engineer has proposed a new battery design 

that uses silver as the electrode in both half-cells. 

As a chemist, what would you tell the engineer 

about the proposal? 

71. In most voltaic cells, the half-cells are connected 

by a salt bridge or a porous barrier instead of a 

piece of wire made of copper or some other 

metal. Why is a metal wire not suitable for con¬ 

necting the half-cells of a voltaic cell? Explain 

your answer. 

72. Write the overall cell reactions and calculate E°ell 

for voltaic cells composed of the following sets 

of half-reactions. 

a. AgCl(s) + e"-> Ag(s) + Cl~{aq) 
Ni2+(ag) + 2e~-> Ni(s) 

b. Al3+(aq) + 3e“-* Al(s) 

Cl2(g) + 2e“-> 2C1 ~{aq) 

73. Impure copper is purified in an electrolytic cell. 

Design an electrolytic cell, with H2S04 as elec¬ 

trolyte, that will allow you to carry out this pro¬ 

cess. Give the oxidation and reduction half¬ 

reactions and a balanced equation for the over¬ 

all reaction. 

74. This spontaneous redox reaction occurs in the 

voltaic cell illustrated below. 

Ni2+(ag) + Fe(s)->Ni(s) + Fe2+{aq) 

a. Identify the anode and the cathode. 

b. Assign charges to the electrodes. 

c. Write the half-reactions. 

d. Calculate the standard cell potential when 

the half-cells are at standard conditions. 

75. The cells in an automobile battery are separated 

from each other. However the electrolyte is the 

same in all the cells. What would be the conse¬ 

quence of placing all the electrodes into a single 

container of electrolyte solution rather than into 

separate compartments? 
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CHAPTER 

Assessment continued 

Cumulative Review 

76. Balance each equation. (Chapter 11) 

a. H2S(g) + HNO3{aq)-> S(s) + NO(g) + HzO(Z) 

b. AgN03(flif/) + Pb(s)-> Pb(N03)2(«^) + Ag(s) 

c. Cl2(g) + NaOH(ag)-> 

NaCl(a^) + NaClO-jCaq) + H20(Z) 

77. A sample of oxygen gas has a volume of 425 mL 

at 30°C. What is the new volume of the gas if the 

temperature is raised to 60°C while the pressure 

is kept constant? (Chapter 14) 

78. Write formulas for these hydrates. (Chapter 15) 

a. Tin(IV) chloride pentahydrate 

b. Magnesium sulfate heptahydrate 

c. Iron (III) phosphate tetrahydrate 

d. Calcium chloride dihydrate 

79. Calculate the grams of solute required to make 

the following solutions. (Chapter 16) 

a. 250 mL of 0.50% NaCl (m/v) 

b. 500 mL 2.OMKNO3 

80. Concentrated nitric acid is 16M How would you 

prepare 500 mL of 1.0MHNO3? (Chapter 16) 

81. Convert the following. (Chapter 17) 

a. 4.32 X 105 joules to kilojoules 

b. 255 Calories to calories 

c. 645 calories to joules 

82. Calculate the quantity of heat lost or gained in 

the following changes. (Chapter 17) 

a. 0.625 mol NaOH(s) dissolves in water. 

b. 1.17 mol water freezes at 0°C. 

c. 0.30 mol C2H5OH(Z) vaporizes. 

d. 0.66 mol of steam condenses at 100°C. 

83. The combustion of natural gas, methane (CH4), 

is an exothermic reaction. (Chapter 17) 

CH4(g) + 202(g)-» C02(g) + 2HzO(Z) 

AH= -890 kj 

Calculate the amount of heat liberated when 

4.80 g CH4 reacts with an excess of oxygen. 

84. Four reactions have the following equilibrium 

constants. Identify in which of these reactions 

the reactants are favored over products. Why? 

(Chapter 18) 

a. ISQq = 0.006 b. Keq = 5.3 

c. = 8 X 1(T4 d. Keq = 2 X 103 

85. Give the equilibrium-constant expression for the 

decomposition of ammonia to nitrogen and 

hydrogen. (Chapter 18) 

2NH3(g)^N2(g) + 3H2(g) 

86. Determine the pH for each solution. 

(Chapter 19) 

a. [H+] = 1.0 x 10-8M 

b. [H+] = 0.000010M 

c. [OH“] = 1.0 X 1CT4M 

d. [OH ] = 1.0 X 1(T9M 

87. Three solutions have the following pH values. 

What are the hydroxide-ion concentrations of 

these solutions? (Chapter 19) 

a. pH = 7.0 b. pH = 4.0 c. pH = 9.0 

88. Write a balanced equation for the reaction of 

each of the following metals with water. 

(Chapter 19) 

a. sodium b. calcium 

89. Determine the oxidation number of sulfur in 

each of the following. (Chapter 20) 

a. H2S04 b. H2S c. S02 

d. Na2S203 e. S f. S032“ 

90. Determine the oxidation number of each ele¬ 

ment in these substances. (Chapter 20) 

a. CaCr207 b. KMn04 

c. Ca(N03)2 d. Al(OH)3 

91. Identify which of the following are oxidation- 

reduction reactions. If a reaction is a redox reac¬ 

tion, name the element oxidized and the ele¬ 

ment reduced. (Chapter 20) 

a. CaC03(s) --* CaO(s) + C02(g) 

b. Ca(s) + Cl2(g)-> CaCl2(s) 

c. CaCl2(a<7) + 2AgN03(a<7)-> 

Ca(N03)2(a<7) + 2AgCl(s) 

d. Ca(s) + 2H20(/)-> Ca(OH)2(a<7) + 2H2(g) 

92. Balance each redox equation. (Chapter 20) 

a. Br2(g) + NaOH(a<7) --> 

NaBr03(a<7) + NaBr(ag) + H20(Z) 

b. Fe203(s) + H2(g)-> Fe(s) + H20(Z) 

93. What is the oxidation number of the italicized 

element in each formula? (Chapter 20) 

a. K2Cr207 b. K/03 

c. MnOc d. FeCl3 
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Standardized Test Prep 

Test-Taking Tip 

Eliminate Wrong Answers If you don't know 

which response is correct, start by eliminating 

those you know are wrong. If you can rule out 

some choices, you'll have fewer left to consider 

and you'll increase your chances of choosing the 

correct answer. 

Select the choice that best answers each question or 

completes each statement. 

1. Which statement describes electrolysis? 

a. Reduction occurs at the anode. 

b. Energy is produced. 

c. Oxidation occurs at the cathode. 

d. Positive ions move to the cathode. 

2. Which of these statements about rusting is true? 

I. Iron is oxidized. 

II. Oxygen is the oxidizing agent. 

III. Iron atoms gain electrons. 

a. I and II only 

b. II and III only 

c. I only 

d. I, II, and III 

3. The energy source for an ordinary flashlight is a 

a. dry cell. 

b. voltaic cell. 

c. battery. 

d. all of the above 

4. Magnesium metal is prepared by the electrolysis 

of molten MgCl2. One half-reaction is 

Mg2+(Z) + 2e“->Mg{l). 

a. This half-reaction occurs at the cathode. 

b. Magnesium ions are oxidized. 

c. Chloride ions are reduced at the anode. 

d. Chloride ions gain electrons during this 

process. 

5. If the cell potential for a redox reaction is 

positive, 

a. the redox reaction is spontaneous. 

b. the redox reaction is not spontaneous. 

c. the reaction only occurs during electrolysis. 

d. More than one statement is correct. 

Use the data table to answer Questions 6-12. Hydro¬ 

gen is included as a reference point for the metals. 

Activity Series of Selected Metals 

Element Oxidation half-reaction 

Lithium Li(s)-> Li+(ag) + e 

Potassium K(s)-> K+{aq) + e 

Sodium Na(s)->Na+(ag) + e 

Aluminum Al(s) ——->AI3+(ag) + 3e“ 

Zinc Zn(s)->Zr\ 2+(aq) + 2e 

Iron Fe(s)-> Fe2+(ag) + 2e 

Hydrogen H2(fif)->2H+(aq) + 2e 

Copper Cu is)->Cu2+(aq) + 2e 

6. Which metal will more easily lose an electron, 

sodium or potassium? 

7. Which metal is more easily oxidized, copper 

or aluminum? 

8. What is the relationship between ease of oxida¬ 

tion and the activity of a metal? 

9. Describe what would happen if you placed a 

clean strip of aluminum in a solution of cop- 

per(II) sulfate. Explain your answer. 

10. Would a copper strip placed in a solution con¬ 

taining zinc ions react spontaneously with the 

zinc ions? Explain your reasoning. 

11. Based on the positions of zinc and iron in the 

table, explain how attaching zinc blocks to a 

steel ship hull protects the steel from corrosion. 

12. Write the half-reaction for the reduction of alu¬ 

minum ions. 

13. An electrolytic cell is shown below. Draw this cell 

on a separate piece of paper and label the anode, 

cathode, and direction of electron flow. 

Battery 
+ - 
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An oil rig drills deep 

into the ocean floor in 

search of petroleum, a 

valuable mixture of 

hydrocarbons. 

INQUIRY jp Activity 

What Dissolves What? 

Materials 
candle wax, vegetable oil, petroleum jelly, rubbing 

alcohol, mineral oil, water, three square glass plates, 

nine toothpicks 

Procedure ISIQE3 
1. Place 3 pea-sized portions of petroleum jelly 

10 cm apart on a glass plate. 

2. Add 5 drops of rubbing alcohol to one portion of 

the petroleum jelly, 5 drops of mineral oil to 

another, and 5 drops of water to the third. 

3. Use a clean toothpick to mix each portion as 

completely as possible. Observe whether the 

petroleum jelly appears to dissolve. 

4. On a second glass plate repeat Steps 1 through 3 

using pea-sized portions of candle wax. 

5. On a third glass plate, repeat Steps 1 through 3 

using pea-sized portions of vegetable oil. 

Think About It 

1. How did the solubility of these three materials 

(petroleum jelly, candle wax, and vegetable oil) in 

water compare with their solubility in mineral oil? 

2. Was the solubility of these materials in rubbing 

alcohol more like that in water or in mineral oil? 

3. Use your observations to develop a general 

statement about the solubility of the materials 

you tested. 



22.1 Hydrocarbons 

Connecting to Your World The gasoline used lh cars and 

lawnmowers, the diesel fuel used in trucks and buses, and the kerosene 

used in lanterns and camping stoves are examples of liquid fuels. Often, a 

barbecue grill uses a gaseous fuel. A solid fuel, 

coal, produced the steam for the locomotives 

that pulled old-time trains. All these fuels 

are mixtures of compounds called hydro¬ 

carbons. In this section,you will learn 

about the structure and properties of 

hydrocarbons. 

Organic Chemistry and Hydrocarbons 
Fewer than 200 years ago, it was thought that only living organisms could 

synthesize the carbon compounds found in their cells. So these com¬ 

pounds were classified as organic compounds and the study of these com¬ 

pounds as organic chemistry. Many people thought that a mysterious vital 

force directed the formation of carbon compounds. A German chemist, 

Friedrich Wohler (1800-1882), refuted this idea in 1828. He was able to use 

inorganic substances to synthesize urea—a carbon compound found in 

urine. Today, organic chemistry includes the chemistry of almost all carbon 

compounds, regardless of their origin. 

In a reference book that lists properties of common compounds, the list 

of organic compounds is much longer than the list of inorganic compounds. 

In fact, there are more than a million organic compounds. By definition, a 

compound contains at least two elements. The simplest organic com¬ 

pounds contain only carbon and hydrogen and are called hydrocarbons. 

The two simplest hydrocarbons are methane and ethane. 

Methane (CH4) is the major component of natural gas. It is sometimes 

called marsh gas because it is formed by the action of bacteria on decaying 

plants in swamps and other marshy areas. Livestock and termites also emit 

substantial quantities of methane as a product of digestion. Recall that a 

carbon atom has four valence electrons and a hydrogen atom has one 

valence electron. So one carbon atom can form a single covalent bond with 

four hydrogen atoms. 

H 
■C- + 4H. -> H:C:H 

H 

Carbon Hydrogen Methane 
atom atoms molecule 

Because carbon has four valence electrons, a carbon atom always forms 

four covalent bonds. Remembering this principle will help you to write cor¬ 

rect structures for organic compounds. 

Guide for Reading 

Key Concepts 

• How is the number of valence 

electrons in carbon atoms 

related to the bonds that 

carbon atoms form? 

• What are two possible 

arrangements of carbon atoms 

in an alkane? 

• In terms of their polarity, what 

type of molecules are alkanes? 

Vocabulary 
hydrocarbons 

alkane 

straight-chain alkanes 

homologous series 

condensed structural formula 

substituent 

alkyl group 

branched-chain alkane 

Reading Strategy 
Relating Text and Visuals As 

you read, look at Figure 22.1. 

Explain how the formulas and 

models can help you understand 

the structure of methane and 

ethane molecules. 

9 

Animation 28 Get a 

glimpse of the staggering 

variety of hydrocarbon 

compounds. 

> with ChemASAP 
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Figure 22.1 Different types of 
formulas and models can be 
used to represent hydrocarbons 

such as methane and ethane. 
Interpreting Diagrams What 
does a stick in a ball-and-stick 

model represent? 

Structural formula Ball-and-stick model Space-filling model 

H I f 
H-C-H 

I 
H 

Line represents 
shared electrons 

Methane (CH4) 

H H 
I I 

H-C-C-H 
I I 

H H 

Ethane (C2H6) 

Methane is not typical of the vast majority of organic compounds, 

because there isn’t a bond between carbon atoms in a methane molecule. 

There is a carbon-carbon bond in ethane. Like methane, ethane (C2H6) is a 

gas at standard temperature and pressure. In an ethane molecule, two car¬ 

bon atoms share a pair of electrons. The remaining six valence electrons 

form bonding pairs with the electrons from six hydrogen atoms. 

HH 
2 C- + 6H- -» OC- + 6H- —» H:C:C=H 

Carbon Hydrogen H H 
atoms atoms Ethane 

molecule 

The ability of carbon to form stable carbon-carbon bonds is one reason that 

carbon can form so many different compounds. 

Figure 22.1 shows the molecular formulas, structural formulas, ball- 

and-stick models, and space-filling models for methane and ethane. Struc¬ 

tural formulas are a convenient way to show the arrangement of atoms in a 

molecule. But two-dimensional structural formulas do not provide accu¬ 

rate information about how the atoms in a molecule are arranged in space. 

Three-dimensional molecular models represent the shapes of molecules 

more accurately. Throughout this chapter and the next, ball-and-stick 

models and space-filling models will be used along with structural formu¬ 

las to represent organic molecules. The bonding theories you studied in 

Section 8.3—hybrid orbital theory and VSEPR theory—are used to predict 

the molecular shapes. 

(^Checkpoint) What is the main advantage of a molecular model as com¬ 

pared to a structural formula? 

Alkanes 
Methane and ethane are examples of alkanes. An alkane is a hydrocarbon in 

which there are only single covalent bonds. In any alkane, all the carbon- 

carbon bonds are single covalent bonds, and all the other bonds are carbon- 

hydrogen bonds. The carbon atoms in an alkane can be arranged in a 

straight chain or in a chain that has branches. 
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Figure 22.2 Hydrocarbons are 
used as fuels. © Pressurized 

tanks of propane are used to fuel 

the burners in hot-air balloons. 

© Butane serves as the fuel for 
many lighters. 

Straight-Chain Alkanes Ethane is the simplest of the straight-chain 

alkanes, which contain any number of carbon atoms, one after the other, in 

a chain. Propane (C3H8) has three carbon atoms bonded in a chain with 

eight electrons shared with eight hydrogen atoms. Butane (C4HI0) has a 

chain of four carbons and ten hydrogens. Figure 22.2 shows how propane 

and butane are used. 

Table 22.1 shows the straight-chain alkanes containing up to ten car¬ 

bons. The straight-chain alkanes are an example of a homologous series. A 

group of compounds forms a homologous series if there is a constant incre¬ 

ment of change in molecular structure from one compound in the series to 

the next. A CH2 group is the increment of change in straight-chain alkanes. 

This change can be traced in the structural formulas in Table 22.1. Notice in 

Table 22.1 that the boiling points of the straight-chain alkanes increase as 

the number of carbons in the chain increase. The melting points also 

increase in the same way. The change reflects the increase in molar mass 

from methane to decane. 

Word Origins 
Homologous comes from 

the Greek prefix homo, 

meaning "same/'and logos, 

meaning "word." The 

homologous series of 

alkanes have the same 

general formula CnH2n+2 

where n is any integer. 

What is the formula for 

a 14-carbon alkane? 

The First Ten Straight-Chain Alkanes 

Name Molecular formula Structural formula Boiling point (°C) 

Methane ch4 ch4 -161.0 

Ethane c2h6 CH3CH3 -88.5 

Propane ^3^8 
ch3ch2ch3 -42.0 

Butane C4H10 ch3ch2ch2ch3 0.5 

Pentane C5H12 ch3ch2ch2ch2ch3 36.0 

Hexane C6Hu ch3ch2ch2ch2ch2ch3 68.7 

Heptane c7h16 ch3ch2ch2ch2ch2ch2ch3 98.5 

Octane ^•8^18 
ch3ch2ch2ch2ch2ch2ch2ch3 125.6 

Nonane C9H20 ch3ch2ch2ch2ch2ch2ch2ch2ch3 150.7 

Decane Ci0H22 ch3ch2ch2ch2ch2ch2ch2ch2ch2ch3 174.1 

Section 22.1 Hydrocarbons 695 



rGo ^Inline 
^-—<SZ>5C/" 

LINKS 
For: Links on Alkanes 
Visit: www.SciLinks.org 
Web Code: cdn-1221 

The names of the alkanes listed in Table 22.1 follow rules established by 

the International Union of Pure and Applied Chemistry (IUPAC). Every 

alkane has a name that ends with the suffix -ane. For the straight-chain 

alkanes with one to four carbon atoms, the official names and the common 

names are the same. They are methane, ethane, propane, and butane, 

respectively. A mixture of Latin and Greek prefixes are used to name the 

hydrocarbons having straight chains longer than four carbon atoms. The 

prefixes are pent- for 5, hex- for 6, kept- for 7, oct- for 8, and so on. 

To draw a structural formula for a straight-chain alkane, write the sym¬ 

bol for carbon as many times as necessary to get the proper chain length. 

Then complete the formula with hydrogens and lines representing covalent 

bonds. Complete structural formulas show all the atoms and bonds in a 

molecule. Sometimes, however, shorthand or condensed structural formu¬ 

las work just as well. In a condensed structural formula, some bonds and/or 

atoms are left out of the structural formula. Although the bonds and atoms 

do not appear, you must understand that they are there. Table 22.2 shows 

several ways to draw condensed structural formulas for butane. 

(^Checkpoint) What suffix is used in the name of an alkane? 

r Table 22.2 

Formulas for Butane 

Formula Description 

C4H10 Molecular formula 

H H H H 

H — C — C — C — C — H 

1 1 1 1 
H H H H 

Complete structural formula 

CH3 — CH2 — CH, — CH3 
Condensed structural formula; C — H bonds 
understood 

CH3CH2CH2CH3 
Condensed structural formula; C — H and 
— C — C — bonds understood 

CHslCH^CTG 

( ( 
V v—- Subscript 

Methylene 
unit 

Condensed structural formula; all bonds 
understood; parentheses indicate CH2 units 
are linked together in a continuous chain 
(the — CH2 — unit is called a methylene 
group); subscript 2 to the right of paren¬ 
thesis indicates two methylene groups are 
linked together 

C — C — C — C 
Carbon skeleton; all hydrogens and C— H 
bonds understood 

/X/ 
Line-angle formula; all carbons and hydro¬ 
gens understood; carbon atoms are located 
at each intersection and at the ends of lines 
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CONCEPTUAL PROBLEM 22.1 

Drawing Structural Formulas for Alkanes 

Draw complete structural formulas for the straight-chain 

alkanes that have three and four carbons. 

9 _ 

Analyze Identify the relevant concepts. 

In an alkane, each carbon atom forms 

four covalent bonds to hydrogen or to 

other carbon atoms. Because these are 

straight-chain alkanes, the appropriate 

number of carbons will be written in a 

straight line and then connected to 

each other by single bonds. The chain 

will then be filled in with hydrogen 

atoms so that each carbon forms four 

covalent bonds. 

^ Solve Apply concepts to this situation. 

A three-carbon straight-chain alkane has three 

carbon atoms in a straight line. The center carbon 

bonds to two hydrogen atoms. Each of the two 

end carbons bonds to three hydrogen atoms. A 

four-carbon straight-chain alkane has four car¬ 

bon atoms in a straight line. Each of the two 

center carbons bonds to two hydrogen atoms, 

and each of the two end carbons bond to three 

hydrogen atoms. 

H H H H H H H 

H—C—C—C—H H—C—C—C—C—H 

H H H H H H H 

Practice Problems 

1. Draw complete structural formulas for the 

straight-chain alkanes with five and six carbons. 

2. How many single bonds are there in a 

propane molecule? 

Textbook 

Problem-Solving 22.1 Solve 
Problem 1 with the help of an 
interactive guided tutorial. 

_with Chem ASAP 
Branched-Chain Alkanes Alkanes and other hydrocarbons do not 

always have carbon atoms bonded in straight chains. Because a carbon 

atom forms four covalent bonds, it can bond not only to one or two other 

carbon atoms, but also to three or even four other carbons, resulting in 

branched chains. In organic chemistry, branches on a hydrocarbon chain 

are discussed as if they were substituted for a hydrogen atom on the chain. 

An atom or group of atoms that can take the place of a hydrogen atom on a 

parent hydrocarbon molecule is called a substituent. Look at the diagrams 

below. The longest continuous carbon chain of a branched-chain hydro¬ 

carbon is called the parent alkane. All other carbon atoms or groups of car¬ 

bon atoms are regarded as substituents. In Chapter 23, you will study 

compounds in which atoms of halogens, oxygen, nitrogen, sulfur, and 

phosphorus can take the place of a hydrogen atom on the carbon chain. 

/Substituent 

c 

c—c-c 
Parent alkane (propane) 

^-y--j~ Substituents 

C C C 
I I I 
c-c-c—c—c 

Parent alkane (hexane) 
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Figure 22.3 Ball-and-stick and 

space-filling models show the 

arrangement of atoms in 
4-ethyl-2,3-dimethylheptane. 

Interpreting Diagrams Based 
on the ball-and-stick model, 

how many carbons are there in 
the longest straight chain ? 

A hydrocarbon substituent is called an alkyl group. An alkyl group can 

be one carbon or several carbons long. Alkyl groups are named by remov¬ 

ing the -ane ending from the parent hydrocarbon name and adding -yl. The 

three smallest alkyl groups are the methyl group (CH3 —), the ethyl group 

(CH3CH2—), and the propyl group (CH3CH2CH2—). An alkyl group con¬ 

sists of an alkane with one hydrogen removed. 

When a substituent alkyl group is attached to a straight-chain hydro¬ 

carbon, branches are formed. An alkane with one or more alkyl groups is 

called a branched-chain alkane. The IUPAC rules for naming branched- 

chain alkanes are quite straightforward. The name of a branched-chain 

alkane is based on the name of the longest continuous carbon chain. Each 

alkyl substituent is named according to the length of its chain and num¬ 

bered according to its position on the main chain. The compound with the 

following structural formula can be used as an example. Figure 22.3 shows 

models of the compound. 

7 6 5 4 3 2 1 

ch3 — ch2—ch2—ch — ch — ch — ch3 

ch2 ch3 ch3 

ch3 

1. Find the longest chain of carbons in the molecule. This chain is 

considered the parent structure. In the example, the longest chain 

contains seven carbon atoms. Therefore, the parent hydrocarbon 

structure is heptane. 

2. Number the carbons in the main chain in sequence. To do this, start at 

the end that will give the groups attached to the chain the smallest 

numbers. This has already been done in the example. As you can see, 

numbering the chain from right to left places the substituent groups at 

carbon atoms 2, 3, and 4. If the chain were numbered from left to right, 

the groups would be at positions 4, 5, and 6. These higher numbers 

would violate the rule. 

3. Add numbers to the names of the substituent groups to identify their 

positions on the chain. These numbers become prefixes to the name 

of the alkyl group. In this example the substituents and positions are 

2-methyl, 3-methyl, and 4-ethyl. 

4. Use prefixes to indicate the appearance of the same group more than 

once in the structural formula. Common prefixes are di- (twice), tri- 

(three times), tetra- (four times), and penta- (five times). This example 

has two methyl substituents. Thus, dimethyl will be part of the com¬ 

plete name. 

5. List the names of alkyl substituents in alphabetical order. For purposes 

of alphabetizing, ignore the prefixes di-, tri-, and so on. In this example, 

the 4-ethyl group is listed before the 2-methyl and 3-methyl groups 

(which are combined as 2,3-dimethyl in the name). 

6. Use proper punctuation. This is very important in writing the names of 

organic compounds in the IUPAC system. Commas are used to sepa¬ 

rate numbers. Hyphens are used to separate numbers and words. The 

entire name is written without any spaces. 
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According to the IUPAC rules, the name of the compound in the example is 

4-ethyl-2,3-dimethylheptane. Note that the name of the parent alkane, hep¬ 

tane, follows directly after the final prefix, dimethyl. (It would be incorrect to 

write the name 4-ethyl-2,3-dimethyl heptane.) 

CONCEPTUAL PROBLEM 22.2 

Naming Branched-Chain Alkanes 

Name this compound using the IUPAC system. Notice 

that the longest chain is not written in a straight line. 

CH, 

CH3 — CH2 — C — CH3 

ch2 

ch2 

ch3 

Analyze Identify the relevant concepts. 

The parent structure is the longest chain of 

carbons. All other groups are substituents. 

The carbons are numbered to give the first 

substituent the lowest possible number. 

Practice Problems 

3. Name these compounds according to the 

IUPAC system. 

J 

a. CH2 — CH2- 

CH, 

CH — CH, — CH3 

CH, 

CIT, 

b. CH3 — CH2 — CH — CH3 

CH, 

These location numbers become part of the 

name as prefixes. The names of the substitu¬ 

ents are listed in alphabetical order with 

numbers separated by commas and num¬ 

bers and words separated by hyphens. 

Solve Apply concepts to this situation. 

The longest carbon chain in the molecule is 

hexane (six carbons). There are two methyl 

substituents on carbon 3, so the prefix is 

3,3-dimethyl. The correct IUPAC name is 

3,3 - dimethylhexane. 

4. Name these compounds according to the 

IUPAC system. 

H CH3H 

a. CH3 — C — C — C — CH3 

CH3H H 

b. CH3 — CH — CH2 — CH2 — CH3 

CH, 

With an alkane name and knowledge of the IUPAC rules, it is easy to 

reconstruct the structural formula. 

receive 
Textbook 

Problem-Solving 22.3 Solve 
Problem 3 with the help of an 
interactive guided tutorial. 

_with ChemASAP 

1. Find the root word (ending in -ane) in the hydrocarbon name. 

Then write the longest carbon chain to create the parent structure. 

2. Number the carbons on this parent carbon chain. 

3. Identify the substituent groups. Attach the substituents to the 

numbered parent chain at the proper positions. 

4. Add hydrogens as needed. 
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CONCEPTUAL PROBLEM 22.3 

Drawing Structural Formulas for Branched-Chain Alkanes 

The compound 2,2,4-trimethylpentane (isooctane) is found 

in gasoline. Draw a complete structural formula for isooctane. 

Analyze Identify the relevant concepts. 

Prefixes indicate the types of substituents, the 

number of times each appears, and their loca¬ 

tions on the parent chain. The part of the name 

that ends in -ane indicates the parent structure. 

The carbons on the parent chain are numbered 

so that the carbons to which alkyl substituents 

are attached have the lowest numbers. Hydro¬ 

gens are added as needed. 

Solve Apply concepts to this situation. 

The parent structure is pentane, which has five 

carbon atoms. There are two methyl groups on 

carbon 2 and one on carbon 4. Nine hydrogens 

are added to complete the structure. 

ch3 ch3 

ch3 — c — ch2 — ch — ch3 
1 2| 3 4 5 

CHn 

Practice Problems 

5. Draw a structural formula for 2,3-dimethylhexane. 

6. Draw the structural formula for 4-ethyl-2,3,4- 

trimethyloctane. 

ractivc 
Textbook 

Problem-Solving 22.5 Solve 
Problem 5 with the help of an 
interactive guided tutorial. 

_with ChemASAP 

Properties of Alkanes 
The electron pair in a carbon-hydrogen or a carbon-carbon bond is shared 

almost equally by the nuclei of the atoms forming the bond. <T^ Molecules 

of hydrocarbons, such as alkanes, are nonpolar molecules. The attractions 

between nonpolar molecules are weak van der Waals forces. So alkanes of 

low molar mass tend to be gases or liquids that boil at a low temperature. 

Recall the general rule “like dissolves like.’’ Two nonpolar compounds 

will form a solution, as will two polar compounds. But a nonpolar com¬ 

pound and a polar compound will not form a solution. For example, 

because oil is a mixture of hydrocarbons, oil and water do not mix. So the 

oil from an oil spill will float on top of the water, as shown in Figure 22.4. 

Figure 22.4 The nonpolar 

molecules in this oil spill in Wales 
are not attracted to the polar 

water molecules in the ocean. 
The oil appears brown because 

a dispersant was added to help 
the oil and water mix. 
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Organic Chemist 

An organic chemist might be best 

described as part inventor and 

part detective. Most organic 

chemists use existing carbon- 

based molecules to synthesize 

new organic compounds. An 

organic chemist uses scientific 

theories and scientific methods to 

design and build a molecule with 

a specific set of new properties. 

To confirm the identity of new 

molecules, organic chemists use 

infrared (IR) spectrophotometry 

and nuclear magnetic resonance 

(NMR) spectrometry to analyze 

their structures. 

Companies that manufacture 

medicines, dyes, cosmetics, or 

foods are among the companies 

that employ organic chemists. 

To become an organic chemist, 

you will need at least an under¬ 

graduate education in chemistry. 

In addition to courses in organic 

chemistry, you must have a firm 

background in physical, inor¬ 

ganic, and analytical chemistry. 

If you are interested in the 

computer-aided design of bio¬ 

active molecules, such as new 

drugs, biochemistry and com¬ 

puter training are also important. 

An organic chemist must know 

how to use laboratory equipment 

and how to handle chemicals 

safely. 

C Go inline 
-PHSchool.com 

For: Careers in Chemistry 
Visit: PHSchool.com 
Web Code: cdb-1221 

22.1 Section Assessment 

7. Key Concept Explain why carbon atoms form 

four covalent bonds. 

8. Key Concept What are two ways that carbon 

atoms can be arranged in an alkane? 

9. Key Concept Describe the polarity of alkane 

molecules. 

10. Write complete structural formulas for the 

following alkanes. 

a. propane b. pentane 

11. Draw a condensed structural formula for 

2,2-dimethylbutane. 

12. Explain why mineral oil, which is a mixture of 

hydrocarbons, does not dissolve in water. 

Connecting Concepts 

Bond Dissociation Energy Except for combustion 

reactions, alkanes usually do not react easily. Use 
what you learned about bond dissociation energy in 

Section 8.2 to explain why alkane molecules tend to 
be unreactive. 

^Textbook 

Assessment 22.1 Test yourself 
on the concepts in Section 22.1. 

_with ChemASAP 
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Unsaturated Hydrocarbons 

Guide for Reading 

Key Concepts 
• What are the structural 

characteristics of alkenes? 

• What are the structural 

characteristics of alkynes? 

Vocabulary 
saturated compounds 

unsaturated compounds 

alkenes 

alkynes 

aliphatic hydrocarbons 

Reading Strategy 
Comparing and Contrasting 

After you read the section, write 

a paragraph about alkenes and 

alkynes. How are these com¬ 

pounds similar? How are they 

different? 

Ethene 

Figure 22.5 Because rotation 

is restricted around the double 
bond, atoms in ethene lie in 

one plane. Calculating What 

is the ratio of hydrogen to 
carbon in ethene? 

Connecting to Your World A cockroach 

can transmit bacterial diseases when it comes 

in contact with food. Roach traps are baited 

with pheromones, which roaches pro¬ 

duce to attract mates.The structure of 

many pheromones is based on unsatu¬ 

rated hydrocarbons. In this section, you 

will study two types of unsaturated 

hydrocarbons—alkenes and alkynes. 

Alkenes 
Organic compounds that contain the maximum number of hydrogen atoms 

per carbon atom are called saturated compounds. Alkanes are saturated 

compounds because the only bonds in alkanes are single covalent bonds. 

Compounds that contain double or triple carbon-carbon bonds are called 

unsaturated compounds. The ratio of hydrogen atoms to carbon atoms is 

lower in an unsaturated compound than in a saturated compound. 

Alkenes are hydrocarbons that contain one or more carbon-carbon 

double covalent bonds. A carbon-carbon double bond is shown in struc¬ 

tural formulas as two parallel lines. At least one carbon-carbon bond in 

an alkene is a double covalent bond. Other bonds may be single carbon- 

carbon bonds and carbon-hydrogen bonds. 

Ethene (C2H4) is the simplest alkene. It is often called by the common 

name ethylene. Figure 22.5 shows the ball-and-stick and space-filling 

models of ethene. To name an alkene by the IUPAC system, find the long¬ 

est chain in the molecule that contains the double bond. This chain is the 

parent alkene. It has the root name of the alkane with the same number of 

carbons plus the ending -ene. The chain is numbered so that the carbon 

atoms of the double bond have the lowest possible numbers. Substituents 

on the chain are named and numbered in the same way they are for the 

alkanes. Some examples of the structures and IUPAC names of simple 

alkenes are shown below. 

H H H H 
\ / || 

c = c ch3 —c=c—h ch2=ch—ch2—ch3 

H H 
Ethene Propene 1-butene 

(ethylene) (propylene) 

H 

CH3 — c 

H ch3 h H 

= c—CH3 CH3 —CH—C = c — ch3 

2-butene 4-methyl-2-pentene 
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Table 22.3 

Boiling Points of Homologous Alkanes, Alkenes, and Alkynes 

Name Molecular structure Boiling point (°C) 
C2 

Ethane CH3 — CH3 -88.5 

Ethene ch2 = ch2 -103.9 

Ethyne CH = CH -81.8 

c3 

Propane CH3CH2CH3 -42.0 

Propene ch3ch = ch2 -47.0 

Propyne ch3c = ch -23.3 

Alkynes 
Hydrocarbons that contain one or more carbon-carbon triple covalent 

bonds are called alkynes. A carbon-carbon triple bond is shown in struc¬ 

tural formulas as three parallel lines. (T^ At least one carbon-carbon bond 

in an alkyne is a triple covalent bond. Other bonds may be single or double 

carbon-carbon bonds and single carbon-hydrogen bonds. Like alkenes, 

alkynes are unsaturated compounds. 

— C = C — 

Alkynes are not plentiful in nature. The simplest alkyne is the gas 

ethyne (C2H2), which has the common name acetylene. Acetylene is the 

fuel burned in oxyacetylene torches, which are used in welding. Figure 22.6 

shows that the single bonds that extend from the carbons in the carbon- 

carbon triple bond of ethyne are separated by the maximum angle of 180°. 

This makes ethyne a linear molecule. 

Straight-chain and branched-chain alkanes, alkenes, and alkynes are 

aliphatic hydrocarbons. The major attractions between aliphatic molecules 

are weak van der Waals forces. As a result, the introduction of a double or 

triple bond into a hydrocarbon does not have a dramatic effect on physical 

properties such as boiling point. Compare the boiling points in Table 22.3. 

Ethyne 

Figure 22.6 The triple bond 
restricts rotation in an ethyne 
molecule, which has a linear 

shape. Calculating What is 
the ratio of hydrogen to car¬ 

bon in ethyne? 

22.2 Section Assessment 

13. Key Concept Describe the bonding between 

atoms in an alkene. 

14. Key Concept What types of bonds are present 

in an alkyne? 

15. What is the difference between saturated and 

unsaturated hydrocarbons? 

16. Write electron dot structures for ethene and 

ethyne. Describe the shape of each molecule. 

17. Draw and name all the alkenes with the molecular 

formula C4Hh. 

Connecting x Concepts 

Saturated and Unsaturated Write a paragraph 
explaining what saturated and unsaturated hydro¬ 
carbons have in common with saturated and unsat¬ 
urated solutions. Refer to Section 16.1. 

Textbook 

Assessment 22.2 Test yourself 
on the concepts in Section 22.2. 

».-— with ChemASAP 
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Isomers 

Guide for Reading 

Key Concepts 
• How do the properties of 

structural isomers differ? 

• What are the two types of 

stereoisomers? 

Vocabulary 
isomers 

structural isomers 

stereoisomers 

geometric isomers 

trans configuration 

c/s configuration 

asymmetric carbon 

optical isomers 

Reading Strategy 
Building Vocabulary As you 

read, write definitions of the four 

types of isomers described. Be 

sure your definitions differentiate 

among the types. 

Connecting to Your World The retinal molecule in the rod 

and cone cells of your eye has a hydrocarbon skeleton.The first step in the 

process of vision occurs when light enters 

your eye and strikes a cell containing 

retinal.The light causes a change in 

the three-dimensional structure of 

the retinal molecule.The structures 

before and after the light strikes are 

examples of isomers. In this section, 

you will study different types of isomers. 

Structural Isomers 
You may have noticed that the structures of some hydrocarbons differ only 

in the positions of substituent groups or of multiple bonds in their mol¬ 

ecules. Look at the structural formulas for butane and 2-methylpropane 

shown below and at their ball-and-stick models in Figure 22.7. Even though 

both compounds have the formula C4H10, their boiling points and other 

properties differ. Because their structures are different, they are different 

substances. Compounds that have the same molecular formula but differ¬ 

ent molecular structures are called isomers. 

CH, 
I 

CH3 — CH2 — CH2 — CH3 CH3 —CH —CH3 

Butane (C„H10) 2-methylpropane (C4H10) 

(bp —0.5°C) (bp -10.2°C) 

Butane and 2-methylpropane represent a category of isomers called 

structural isomers. Structural isomers are compounds that have the same 

molecular formula, but the atoms are joined together in a different order. 

Structural isomers differ in physical properties such as boiling 

point and melting point. They also have different chemical reactivities. 

In general, the more highly branched the hydrocarbon structure, the lower 

the boiling point of the isomer compared with less branched isomers. For 

example, 2-methylpropane has a lower boiling point than butane. 

Figure 22.7 Both butane and 

2-methylpropane have the 

molecular formula C4H10. But 
the atoms in their molecules 
are arranged in a different 

order. So these compounds 
are structural isomers. Butane 
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Stereoisomers 
Remember that molecules are three-dimensional structures. So molecules 

with the same molecular formula and with atoms joined in exactly the 

same order may still be isomers. Stereoisomers are molecules in which the 

atoms are joined in the same order, but the positions of the atoms in space 

are different. <T^ Two types of stereoisomers are geometric isomers and 

optical isomers. 

Geometric Isomers The first category of stereoisomers is based on the 

presence of a double bond in a molecule. A double bond between two car¬ 

bon atoms prevents them from rotating with respect to each other. Because 

of this lack of rotation, groups on either side of the double bond can have 

different orientations in space. Geometric isomers have atoms joined in the 

same order, but differ in the orientation of groups around a double bond. 

Look at the models of 2-butene in Figure 22.8. Two arrangements are possi¬ 

ble for the methyl groups with respect to the rigid double bond. In the trans 

configuration, the methyl groups are on opposite sides of the double bond. 

In the c/s configuration, the methyl groups are on the same side of the double 

bond. Trans-2-butene and c/s-2-butene have different physical and chemical 

properties. For example, the density of ds-2-butene is 0.616 g/cm3, and the 

density of trans-2-butene is 0.599 g/cm3. The groups attached to the carbons 

of the double bond do not need to be the same. Geometric isomerism is pos¬ 

sible whenever each carbon of the double bond has at least one substituent. 

CH3 H 
CH3 CH2CH3 V \ / ,c= c 

r = r / \ 
\ ch3ch2 h 

H H 
2-methyl-1 -butene 

m-2-pentene (no cis, trans isomers) 

chn /H 
/C = CN 

H CH2CH3 

trans- 2-pentene 

Optical Isomers The second category of stereoisomers occurs whenever 

a carbon atom has four different atoms or groups attached. A carbon with 

four different atoms or groups attached is an asymmetric carbon. Look at 

the models in Figure 22.9. Because H, F, Cl, and Br atoms are attached to a 

single carbon atom, the carbon is asymmetric. The relationship between 

the molecules is similar to the relationship between right and left hands. 

Think about an object placed in front of a mirror. If the object is sym¬ 

metrical, like a ball, then its mirror image can be superimposed. That is, the 

appearance of the ball and its reflection are indistinguishable. By contrast, 

a pair of hands is distinguishable even though the hands consist of identi¬ 

cal parts. The right hand reflects as a left hand and the left hand reflects as 

a right hand. The images cannot be superimposed. Many ordinary objects, 

such as ears, feet, shoes, and bird wings, are similarly related. 

Figure 22.8 There is a trans and 
a cis configuration of 2-butene 

because a methyl group is 

attached to each carbon of the 

double bond. 
Comparing and Contrasting 
How are the trans and cis 

configurations different? 

Figure 22.9 In these models, 

four different atoms are attached 
to the same carbon atom, 

making the carbon atom an 
asymmetric carbon. 
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Textbook 
Simulation 28 Play 
the isomer game of "Pick 
the Pairs." 

with ChemASAP 

Pairs of molecules that differ only in the way that four different groups 

are arranged around a central carbon atom are called optical isomers. The 

term optical is used to describe this type of isomer because the term is 

related to the concept of objects and mirror images. The molecules shown 

in Figure 22.9 are optical isomers. The models cannot be superimposed 

because they are mirror images of each other. Try to visualize the models 

in three dimensions. Imagine rotating one model 180°. At first, it might 

appear that the models are now identical. However, the direction of each 

bond in space is not the same. For example, the carbon-bromine bond 

would be pointing away from you rather than toward you. No matter how 

you turn the models, you cannot make the models look exactly alike. 

Unless bonds are broken, these molecules cannot be made to look alike. 

(^fcheckpoint) How does the presence of a carbon-carbon double bond in 

a molecule result in geometric isomers? 

CONCEPTUAL PROBLEM 22.4 _| 

Identifying Asymmetric Carbon Atoms 

Compounds with the following formulas are alcohols. The alcohol is 
represented by the formula in a. is the alcohol in rubbing alcohol. - - 
Which compound has an asymmetric carbon? QQauEza 
a. CH3CHCH3 b. CH3CHCH2CH3 j 

OH OH 

Analyze Identify the relevant concepts. 

An asymmetric carbon atom has four 

different groups attached. 

Solve Apply concepts to this situation. 

Draw the structures in a more complete form 

to determine the presence of a carbon atom 

with four different groups attached. 

a. The central carbon has two CH3 groups 

attached. It is not asymmetric. 

b. The central carbon has one H, one OH, one 

CH3, and one CH2CH3 group attached. 

Because these four groups are different, the 

central carbon is asymmetric. In a structural 

formula, an asymmetric carbon is often 

marked with an asterisk. 

Practice Problems 

18. Identify the asymmetric carbon, if any, in each 

of the following structures. 

a. CH3CHCHO b. CH3CHOH 

Cl ch3 

19. Identify the asymmetric carbon, if any, 

in each of the following structures. 

CH3 

a. CH3CH2 — C — Br b. CH2C12 

F 

orectivo 
Textbook 

Problem-Solving 22.18 Solve 
Problem 18 with the help of an 
interactive guided tutorial. 

<_with ChemASAP 
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Quick LAB NU£i*£lL^ . * BQ 

Structural Isomers of Heptane 

Purpose 
To build ball-and-stick 

models and name the nine 

structural isomers of 

heptane (C7H16). 

Materials 
• ball-and-stick molecular 

model kit (Colors used 

to represent elements in 

the kit may not match 

colors used to represent 

elements in this book.) 

Procedure 
1. Build a model for the straight-chain 

isomer of C7H16. Draw the structural 

formula and write the IUPAC name for 

this isomer. 

2. Move one carbon atom from the end of 

the chain and add a methyl substituent 

to the chain. Draw the structural for¬ 

mula and name this isomer. 

3. Move the methyl group to a new posi¬ 

tion on the chain.Then draw and name 

this third isomer. Is there a third posi¬ 

tion that the methyl group can be 

moved to on the chain of six carbons to 

form yet another different isomer? 

4. Make other structural isomers by short¬ 

ening the longest straight chain and 

using the removed carbons as substitu¬ 

ents. Draw the structural formulas and 

name each isomer. 

Analyze and Conclude 
1. What are the names of the nine 

structural isomers of C7H16? 

2. What is the shortest possible straight 

carbon chain in the isomers? 

3. Why does each structural isomer have 

its own unique name? 

22.3 Section Assessment 

20. Key Concept Explain why you would expect 

two structural isomers to have different boiling 

points. 

21. <T^ Key Concept Name the two types of 

stereoisomers. 

22. What structure must be present in a molecule for 

geometric isomers to exist? 

23. How can an asymmetric carbon be identified? 

24. What is the relationship between two molecules 

that are optical isomers? 

25. Draw structural formulas for the following 

alkenes. If a compound has geometric isomers, 

draw both the cis and trans forms. 

a. 1-pentene 

b. 2-hexene 

c. 2-methyl-2-hexene 

BJjEuEHJiisnEBi 
Writing Instructions Write instructions that could 
be used to decide whether two compounds are 

isomers and, if so, what type of isomers they might 
be. (1) How can you tell if two compounds are isomers? 
(2) How can you tell if two compounds are structural 

isomers? (3) How can you tell if two compounds 
can be geometric isomers? (4) How can you tell if two 
compounds can be optical isomers? 

Textbook 

Assessment 22.3 Test yourself 
on the concepts in Section 22.3. 

•-with ChemASAP 
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Small-Scale 
LAB 

Hydrocarbon Isomers 

Purpose 
To draw line-angle formulas and name some of the 

isomers in gasoline. 

Materials 
• toothpicks 

• modeling clay 

Procedure 
Gasoline is a complex mixture of hydrocarbon molecules. 

Each molecule contains between five and ten carbon 

atoms. Many of the components of gasoline are isomers 

with the same molecular formula.These components 

include the isomers of pentane. Study the formulas and 

names of the isomers of C5H12 in the chart below. Make a 

model of each isomer using toothpicks and modeling clay. 

Compare the models and make accurate drawings on 

your paper. 

Formulas Representing Isomers of C5H12 

Condensed Line-angle Space-filling 

ch3ch2ch2ch2ch3 

pentane 
/\/\ drit T 

CH3CHCH2CH3 

ch3 

2-methylbutane 

ch3 
1 

ch3cch3 
1 
ch3 

2,2-dimethylpropane 

X 

Analyze 
Using your experimental data, answer the following 

questions. 

1. Complete structural formulas include all the atoms and 

all the chemical bonds in a molecule. Draw the complete 

structural formula for each isomer of C5H12 in the chart. 

2. In a line-angle formula, each line represents a carbon- 

carbon bond. Each end of a line, as well as the intersec¬ 

tion of lines, represents a carbon atom. All hydrogen 

atoms are understood. Knowing that carbon always 

forms four bonds in organic compounds, explain how 

to determine the number of hydrogen atoms bonded 

to each carbon in a line-angle formula. 

3. Because butane can vaporize readily, it is used in the 

formulations of gasolines in cold climates during winter. 

Draw condensed structural formulas and line-angle 

formulas for the two isomers of butane (C4H10). Make 

models of each isomer. 

You're The Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Analyze It! Gasoline contains isomers of hexane. Draw 

the line-angle formulas and name the five isomers of 

C6H14. Make a model of one isomer and convert that 

model into the other four. 

2. Design It! Gasoline also contains small amounts of the 

six isomers of pentene.Two of the isomers are c/s and 

trans configurations of the same structural isomer. 

Experiment with your models to make these isomers. 

Use two toothpicks to represent a double bond. Draw 

structural formulas for the cis and trans isomers, and 

line-angle formulas for the others. 
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22.4 Hydrocarbon Rings 

Connecting to Your World ^ot every0ne |Gves carrots, but 

you have probably heard about how good they are for you. One reason 

carrots are a healthful food choice is that they contain beta-carotene, an 

important nutrient for vision. Beta-carotene also 

gives carrots their orange color.The hydrocar¬ 

bon skeleton of beta-carotene contains 

hydrocarbon rings. In this section,you will 

learn about hydrocarbon rings and the 

properties of compounds formed from 

these rings. 

Cyclic Hydrocarbons 
Saturated and unsaturated straight-chain and branched-chain hydrocar¬ 

bons are not the only types of hydrocarbons. In some hydrocarbon 

compounds, the carbon chain is in the form of a ring. Figure 20.10 shows 

the structures of some of these hydrocarbons. Compounds that contain a 

hydrocarbon ring are called cyclic hydrocarbons. 

Guide for Reading 

Key Concepts 
• What is the general structure of 

cyclic hydrocarbons? 

• What is the most accurate 

description of the bonding in a 

benzene ring? 

Vocabulary 
cyclic hydrocarbons 

aromatic compound 

Reading Strategy 
Relating Text and Visuals As 

you read, look at the benzene 

diagrams on page 710. What is 

the value of the diagram with 

a circle in a hexagon? 

H H 
i i 

H-C-C-H 

H-C-C-H 
I I 

H H 

HH 
\/ 

H H 

HH 
\/ 

H-V 
l 

\ /H 

-
 E

 
S

-J
 n

 —
 

/ 

/\ 
HH 

—
 u

 \
 

Figure 22.10 The simplest 

cyclic hydrocarbon has a 
3-carbon ring. Rings 

containing up to 20 carbon 

atoms are found in nature. 

Rings with 5 or 6 carbons are 

the most abundant. 
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c Go inline 
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For: Links on Aromatic 
Hydrocarbons 

Visit: www.SciLinks.org 
Web Code: cdn-1224 

Figure 22.11 This is a space¬ 

filling model of benzene. 

Applying Concepts What 
is the molecular formula 
of benzene? 

Aromatic Hydrocarbons 
There is a class of organic compounds that are responsible for the aromas 

of spices such as vanilla, cinnamon, cloves, and ginger. These compounds 

were originally called aromatic compounds because they have distinct, 

pleasant aromas. Not all compounds currently classified as aromatic have 

an odor. Molecules of aromatic compounds contain a single ring or a group 

of rings. Benzene (C6H6) is the simplest example of an aromatic compound. 

An aromatic compound is an organic compound that contains a benzene 

ring or other ring in which the bonding is like that of benzene. Another 

name for an aromatic compound is an arene. Because of the structure of 

benzene, the properties of aromatic compounds are quite different from 

those of aliphatic compounds. 

The Structure of Benzene Friedrich Kekule (1829-1896) made one 

major contribution to chemistry. He was the first to describe the structure 

of a benzene molecule. Look at the space-filling model of benzene in 

Figure 22.11. The benzene molecule is a six-membered carbon ring with a 

hydrogen atom attached to each carbon. This arrangement leaves one elec¬ 

tron from each carbon free to participate in a double bond. Two different 

structures with alternating double bonds can be written for benzene. 

Double bond 

These structural formulas show only the extremes in electron sharing 

between any two adjacent carbons in benzene. One extreme is a normal 

single bond. The other extreme is a normal double bond. Recall that when 

two or more equally valid structures can be drawn for a molecule, reso¬ 

nance occurs. The actual bonding in a benzene ring doesn’t alternate 

between the two extreme resonance structures. Rather, all the bonds in the 

ring are identical hybrids of single and double bonds. In a benzene 

molecule, the bonding electrons between carbon atoms are shared evenly 

around the ring. Benzene and other molecules that exhibit resonance are 

more stable than similar molecules that do not exhibit resonance. Thus, 

benzene is not as reactive as six-carbon alkenes. 

Because of the way electrons are distributed, drawing a solid or dashed 

circle inside a hexagon is a good way to represent benzene. However, it 

does not show the number of electrons involved. For this reason, the tradi¬ 

tional structure, which is the structure shown on the right, is used in this 

textbook. Remember, though, that each bond in the ring is identical. 

(V) Checkpoint} What is the name of the simplest aromatic hydrocarbon and 

what is its formula? 
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Substituted Aromatic Compounds The dyes used to produce the 

intense colors shown in Figure 22.12 are substituted aromatic compounds. 

Compounds containing substituents attached to a benzene ring are named 

as derivatives of benzene. When the benzene ring is a substituent on an 

alkane, the C6H5 group is called a phenyl group. 

Methylbenzene 3-phenylhexane Ethylbenzene 
(toluene) 

Some derivatives of benzene have two substituents. These derivatives 

are called disubstituted benzenes. There are three structural isomers for 

the liquid aromatic compound dimethylbenzene (C6H4(CH3)2). Dimethyl- 

benzenes are also called xylenes. The boiling points of the xylenes are a 

reminder that structural isomers have different physical properties. 

Figure 22.12 The molecules of 
many dyes include benzene 
rings. Dyes that contain aromatic 

compounds are called aniline 

dyes. 

ch3 

1,2-dimethylbenzene 1,3-dimethylbenzene 1,4-dimethylbenzene 
(o-xylene) (m-xylene) (p-xylene) 
(bp 144°C) (bp 139°C) (bp 139°C) 

In the IUPAC naming system, the possible positions of two substituents in 

disubstituted benzene are designated as 1,2; 1,3; or 1,4. Common names 

for disubstituted benzenes use the terms ortho, meta, and para (abbrevi¬ 

ated as o, m, and p) in place of numbers. 

22.4 Section Assessment 

26. Key Concept What is a cyclic hydrocarbon? 

27. Key Concept Describe the bonding between 

carbon atoms in benzene. 

28. The molecules of both cyclohexane and benzene 

have six carbon atoms bonded in a ring. What is 

the difference between these two compounds? 

29. Name the following compounds. 

Writing ^Activity 

Explanatory Paragraph The alternate name for an 

aromatic compound is arene. Write a paragraph 
explaining why arene is not an entirely accurate 

choice for an aromatic compound. {Hint: What does 
the suffix -ene indicate when used with aliphatic 
compounds?) 

^interactive 
Textbook 

Assessment 22.4 Test yourself 
on the concepts in Section 22.4. 

_with ChemASAP 
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Hydrocarbons From Earth's Crust 

Guide for Reading 

Key Concepts 
• What type of hydrocarbons are 

in natural gas? 

• What is the first step in the 

refining of petroleum? 

• How is coal classified? 

• What is the chemical 

composition of coal? 

Vocabulary 
cracking 

Reading Strategy 
Previewing Before you read, jot 

down five things you know about 

petroleum. As you read, explain 

how what you learn relates to 

what you already know. 

Sandstone 

Shale 

Limestone 

Natural gas 

Petroleum 

Water 

Connecting to Your Workl The photograph shows a paint. 

ing in which the artist imagines Saturn's moon Titan as a refueling station 

in space. A traveler would refill a fuel tank with 

hydrocarbons from Titan's atmosphere. On 

Earth, hydrocarbons are also used as fuels. 
However, they are more difficult to obtain 
because they are found in Earth's crust, not 

in Earth's atmosphere. In this section,you 
will learn about three fossil fuels—natural 
gas, petroleum, and coal. 

Natural Gas 
Much of the world’s energy is supplied by burning fossil fuels. Fossil fuels 

are carbon-based because they are derived from the decay of organisms. 

Millions of years ago, marine organisms died, settled on the ocean floor, 

and were buried in ocean sediments. Heat, pressure, and bacteria changed 

the residue into petroleum and natural gas, which contain mostly aliphatic 

hydrocarbons. Figure 22.13 shows one possible location for these fuels. 

<T^ Natural gas is an important source of alkanes of low molar mass. 

Typically, natural gas is composed of about 80% methane, 10% ethane, 4% pro¬ 

pane, and 2% butane. Hie remaining 4% consists of nitrogen and hydrocarbons of 

higher molar mass. Natural gas also contains a small amount of the noble gas 

helium . In fact, natural gas is a major source of helium. Meth ane, the major con¬ 

stituent of natural gas, is especially prized for combustion because it bums with a 

hot, clean flame. 

CH4(g) + 202(g)->CO 2(g) + 2FIzO (g) + heat 

Propane and butane are separated from the other gases in natural gas by 

liquefaction. These heating fuels are sold in liquid form in pressurized tanks 

as liquid petroleum gas (LPG). 

Oxygen is necessary for the efficient combustion of a hydrocarbon. If there 

is not enough oxygen available, the combustion is incomplete. Complete com¬ 

bustion of a hydrocarbon gives a blue flame. Incomplete combustion gives a 

yellow flame. This is due to the formation of small, glowing carbon particles 

that are deposited as soot when they cool. Carbon monoxide, a toxic gas, is also 

formed along with carbon dioxide and water during incomplete combustion. 

Figure 22.13 Wells are drilled to reach 

natural gas and petroleum. Pressure from 

the trapped gas may force petroleum up a 
well pipe, but pumping is usually required. 
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Petroleum 
The organic compounds found in petroleum, or crude oil, are more com¬ 

plex than those in natural gas. Most of the hydrocarbons in petroleum are 

straight-chain and branched-chain alkanes. Petroleum also contains small 

amounts of aromatic compounds and sulfur-, oxygen-, and nitrogen- 

containing organic compounds. 

Humans have known about petroleum for centuries; ancient peoples 

found it seeping from the ground in certain areas. In the late 1850s, a vast 

deposit of petroleum was discovered in Pennsylvania when a well was 

drilled to obtain petroleum for use as a fuel. Within decades, petroleum 

deposits had also been found in the Middle East, Europe, and the East 

Indies. Petroleum has since been found in other parts of the world as well. 

Petroleum is a mixture of hydrocarbons having from one to more than 

40 carbon atoms. Without further treatment, petroleum is not very useful. 

The mixture must be separated, or refined, into parts called fractions, 

which have many commercial uses. The refining process starts with 

the distillation of petroleum (crude oil) into fractions according to boil¬ 

ing point. A schematic of a petroleum refining distillation tower is shown 

in Figure 22.14. Each distillation fraction contains several different hydro¬ 

carbons. The fractions and their composition are listed in Table 22.4. 

The amounts of products obtained by fractional distillation are not in 

proportion to the demand of the market. Gasoline is by far the most com¬ 

monly used product, so other processes are used to make the supply meet 

the demand. Cracking is a controlled process by which hydrocarbons are 

broken down or rearranged into smaller, more useful molecules. For exam¬ 

ple, fractions containing compounds of higher molar mass are “cracked” to 

produce the more useful short-chain components of gasoline and kero¬ 

sene. Hydrocarbons are cracked with the aid of a catalyst and with heat. 

This process also produces low-molar-mass alkanes, which are used to 

manufacture paints and plastics. Other catalytic processes besides crack¬ 

ing are used to increase the amounts of components that improve the 

performance of gasoline. 

When and where was the first petroleum well drilled? (^Checkpoint) 

Fractionating Column 

Gasoline 
vapors 

Condenser 

Gas 

Gasoline 
40°C-175°C 

Kerosene 
150°C-275°C 

Fuel oil 
225°C-400°C 

Lubricating oil 
over 400°C 

Crude oil 
vapors from 
heater 

Steam 

Residue 
(wax, asphalt, 
tar) 

Figure 22.14 In fractional 
distillation, the crude oil is 
heated so that it vaporizes and 
rises through the fractionating 

column. The column is hotter at 
the bottom and cooler at the top. 

Compounds with the highest 

boiling points condense nearthe 
bottom. Compounds with the 

lowest boiling points condense 
near the top. 

Table 22.4 || 

Fractions Obtained from Crude Oils 

Fraction 
Composition of Boiling Percent of 

carbon chains range (°C) crude oil 

Natural gas C, to C4 Below 20 'j 

Petroleum ether (solvent) C5 to C6 30 to 60 [ 10% 

Naphtha (solvent) Cy to Cg 60 to 90 

Gasoline c5 to C12 40 to 175 40% 

Kerosene C12 to C15 150 to 275 10% 

Fuel oils, mineral oil C15 to C18 225 to 400 30% 

Lubricating oil, petroleum 
jelly greases, paraffin wax, 
asphalt 

C16 to C24 Over 400 10% 
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Coal 

Go ^Inline c 
INKS 

For: Links on Natural 
Resources 

Visit: www.SciLinks.org 
Web Code: cdn-1225 

Geologists think that coal had its origin some 300 million years ago when 

huge tree ferns and mosses grew abundantly in swampy tropical regions. 

When the plants died, they formed thick layers of decaying vegetation. 

Layer after layer of soil and rock eventually covered the decaying vegeta¬ 

tion, which caused a buildup of intense pressure. This pressure, together 

with heat from Earth’s interior, slowly turned the plant remains into coal. 

Figure 22.15 Coal formed when 

tree ferns and mosses died. The 

layers of decaying organic 
material were compressed over 

millions of years between layers 
of soil and rock. The first stage in 
coal formation is peat. Continued 

pressure and heat transform peat 

into lignite, bituminous coal, and 
anthracite coal. 

Coal Formation The first stage in the formation of coal is an interme¬ 

diate material known as peat. Peat, shown in Figure 22.15, is a soft, brown, 

spongy, fibrous material. When first dug out of a bog, peat has a very high 

water content. After it has been allowed to dry, it produces a low-cost but 

smoky fuel. If peat is left in the ground, it continues to change. After a long 

period of time, peat loses most of its fibrous texture and becomes lignite, 

or brown coal. Lignite is much harder than peat and has a higher carbon 

content (about 50%). The water content, however, is still high. Continued 

pressure and heat slowly change lignite into bituminous, or soft coal. 

Bituminous coal has a lower water content and higher carbon content (70— 

80%) than lignite. In some regions of Earth’s crust, even greater pressures 

have been exerted. In those places, such as eastern Pennsylvania, soft coal 

has been changed into anthracite, or hard coal. Anthracite has a carbon 

content that exceeds 80%, making it an excellent fuel source. Coal is 

classified by its hardness and carbon content. 

Coal, which is usually found in seams from 1 to 3 meters thick, is 

obtained from both underground and surface mines. In North America, 

coal mines are usually less than 100 meters underground. Much of the coal 

is so close to the surface that it is strip-mined, as shown in Figure 22.16. By 

contrast, many coal mines in Europe and other parts of the world extend 
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Figure 22.16 Coal is mined from 

both surface mines, shown here, 
and underground mines. 

Composition of Coal Coal consists largely of condensed aromatic 

compounds of extremely high molar mass. These compounds have a high 

proportion of carbon compared with hydrogen. Due to the high proportion 

of aromatic compounds, coal leaves more soot upon burning than do the 

more aliphatic fuels obtained from petroleum. The majority of the coal that 

was once burned in North America contained about 7% sulfur, which burns 

to form the major air pollutants S02 and S03. 

Coal may be distilled to obtain a variety of products: coke, coal tar, coal 

gas, and ammonia. Coke is the solid material left after coal distillation. It is 

used as a fuel in many industrial processes and is the crucial reducing 

agent in the smelting of iron ore. Because it is almost pure carbon, coke 

produces intense heat and little or no smoke when it burns. Coal gas con¬ 

sists mainly of hydrogen, methane, and carbon monoxide, all of which are 

flammable. Coal tar can be distilled further into benzene, toluene, naph¬ 

thalene, phenol, and pitch. The ammonia from distilled coal is converted 

I ) to ammonium sulfate for use as a fertilizer. 

22.5 Section Assessment 

30. Key Concept Describe the hydrocarbons 

found in natural gas. 

31. Key Concept Describe the first process used in 

the refining of petroleum. 

32. Key Concept What are the two variables used 

to classify coal? 

33. Key Concept Describe the chemical composi¬ 

tion of coal. 

34. How did the three major fossil fuels form? 

35. What are the principal sources of aliphatic 

hydrocarbons? What is the principal source of 

aromatic hydrocarbons? 

36. Explain why cracking is a necessary step in petro¬ 

leum refining. 

Handbook 

Catalytic Converters When fossil fuels burn in an 
internal combustion engine, the exhaust contains 
more than carbon dioxide gas and water vapor. 

Read about catalytic converters on page R42. Write 
a paragraph explaining what happens to pollutants 
in a catalytic converter. 

Textbook 

Assessment 22.5 Test yourself 
on the concepts in Section 22.5. 

.— ..with ChemASAP 
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A Number You Can't Knock 

Engine"knock"is the sound an engine makes when 

gasoline ignites too soon, possibly because of poor 

engine timing or the use of low octane fuel. Knocking 

can cause overheating, loss of power, and engine 

damage. A gasoline's octane rating is a measure of its 

ability to resist engine knock. Applying Concepts What 

happens to the pressure inside the cylinder during Step 2. 

rating of 100. So an octane rating of 89 means 

that the gasoline blend performs as though it 

were 89 parts isooctane and 11 parts heptane. 

Octane Ratings Octane ratings are based on 

isooctane, which resists engine knock,and 

heptane, which is prone to engine knock. 

Isooctane has a rating of 0. Heptane has a 

D Intake Gasoline and 

air are mixed in a 

cylinder of an internal 

combustion engine. 

Compression The 

gas-air mixture is 

compressed.The greater 

the compression, the 
greater the engine's 

power, and the more likely 

the engine is to knock. 

Engine knock Knocking occurs 

when the fuel ignites by itself in 

the engine cylinder. Often this 

ignition occurs prior to spark 

ignition.The sound comes from 

the vibration of the piston, 

connecting rod, and bearings. 

m raw! 
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Oil refineries To make gasoline, a refinery 

separates crude oil into various components, 

Refinery technicians combine some of the 

components, performance additives, and 

dyes to make different grades of fuel. 

a Combustion A 

spark plug ignites 

the compressed mixture. 

The combustion products 

push down a cylinder that 

turns the crankshaft. 

Q Exhaust The cylinder 

clears the chamber of 

combustion products, such 

as carbon dioxide. 

r~jk 
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Study Guide 

Key Concepts 

(^ 22.1 Hydrocarbons 

• Because carbon has four valence electrons, car¬ 
bon atoms always form four covalent bonds. 

• The carbon atoms in an alkane can be 
arranged in a straight chain or in a chain that 
has branches. 

• Molecules of hydrocarbons, such as alkanes, 
are nonpolar molecules. 

22.2 Unsaturated Hydrocarbons 

• At least one carbon-carbon bond in an 
alkene is a double bond. Other bonds 
may be single carbon-carbon and carbon- 
hydrogen bonds. 

• At least one carbon-carbon bond in an 
alkyne is a triple bond. Other bonds may be 
single or double carbon-carbon bonds and 
single carbon-hydrogen bonds. 

22.3 Isomers 

• Structural isomers differ in physical proper¬ 
ties and have different chemical reactivites. 

• Two types of stereoisomers are geometric 
isomers and optical isomers. 

22.4 Hydrocarbon Rings 

• Some hydrocarbon compounds have a 
carbon chain that is in the form of a ring. 

• In a benzene molecule, the bonding electrons 
between carbon atoms are shared evenly 
around the ring. 

22.5 Hydrocarbons From Earth's Crust 

• Natural gas is an important source of alkanes 
of low molar mass. 

• The refining of petroleum starts with the 
distillation of petroleum into fractions 
according to boiling point. 

• Coal consists largely of condensed aromatic 
compounds of extremely high molar mass. 
These compounds have a high proportion of 
carbon compared with hydrogen. 

Vocabulary 

• aliphatic hydrocarbons (p. 703) 
• alkanes (p. 694) 
• alkenes (p. 702) 
• alkyl group (p. 698) 
• alkynes (p. 703) 
• aromatic compound (p. 710) 
• asymmetric carbon (p. 705) 
• branched-chain alkane (p. 698) 

• cis configuration (p. 705) 
• condensed structural formulas 

(p. 696) 
• cracking (p. 713) 
• cyclic hydrocarbon (p. 709) 
• homologous series (p. 695) 
• hydrocarbons (p. 693) 
• geometric isomers (p. 705) 
• isomers (p. 704) 

• optical isomers (p. 706) 
• saturated compounds (p. 702) 
• stereoisomers (p. 705) 
• straight-chain alkanes (p. 695) 
• structural isomers (p. 704) 
• substituent (p. 697) 
• trans configuration (p. 705) 
• unsaturated compounds 

(p. 702) 

Organizing Information 

Use these terms to construct a concept 
map that organizes the major ideas of 
this chapter. 

Textbook 

Concept Map 22 Solve the Concept 
Map with the help of an interactive 
guided tutorial. 

_with ChemASAP 
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Assessment 

CHAPTER 

22 
Reviewing Content 

22.1 Hydrocarbons 

37. Draw condensed structural formulas for pentane 

and hexane. Assume that the C — H and C — C 

bonds are understood. 

38. Name the alkanes that have the following 

molecular or structural formulas. 

a. CH3CH2CH3 

b. CH3(CH2)6CH3 

H H H H H 

c. h—C- -c — c — c I 
-
n
-

 

tn
 

H H H H H 

39. Draw structures for the alkyl groups derived 

from methane, ethane, and propane. 

40. Give the IUPAC name for each compound. 

a. CH3 — CH — CH2 

ch3 ch3 

b. CH3 —CH —CH —CH3 

ch3 ch3 

c. CH3 — CH— CH2 — CH2 

ch2 ch3 

ch3 

41. Why are alkane molecules nonpolar? 

22.2 Unsaturated Hydrocarbons 

42. Give a systematic name for these alkenes. 

a. CH3CH = CH2 

b. CH3 H 

/C = C\ 
H CH2CH3 

c. CH3CHCH2CH = CH2 

ch3 

d. ch3 ch2ch3 

/c=c\ 
ch3 ch2ch3 

43. Name and draw a structural formula for each 

alkene with the molecular formula C5H10. 

22.3 Isomers 

44. Draw and name all the structural isomers with 

the molecular formula C6H14. (You may wish to 

draw only the carbon skeletons.) 

45. Draw one structural isomer of each compound. 

CH3 

a- CH3 — C — CH3 

CH3 

CH3 

b- CH3 — CH — CH — CH3 

CH2 

CH3 

46. Draw a structural formula or carbon skeleton for 

each of the following alkenes. If cis and trans 

forms are present, include both forms. 

a. 2-pentene b. 2-methyl-2-pentene 

c. 3-ethyl-2-pentene 

47. Do all molecules have optical isomers? Explain. 

48. Can you draw a structural isomer of hexane 

(C6H14) that has an asymmetric carbon? Explain. 

22.4 Hydrocarbon Rings 

49. Draw a structural formula for each compound. 

a. 1,4-diethylbenzene 

b. 2-methyl-3-phenylpentane 

c. 1,3-dimethylbenzene 

50. Explain why both of these structures represent 

1,2-diethylbenzene. 

CH2CH3 ^^\X.CH2CH3 

CH2CH3 CH2CH3 

22.5 Hydrocarbons From Earth's Crust 

51. How are catalysts used in petroleum refining? 

52. Rank these materials in order of increasing 

hardness: bituminous coal, peat, lignite, and 

anthracite coal. 

53. What happens to the sulfur when coal burns? 
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CHAPTER 

22 Assessment 

Understanding Concepts 

54. Why are the following names incorrect? What 

are the correct names? 

a. 2-dimethylpentane 
b. 1,3-dimethylpropane 

c. 3-methylbutane 

d. 3,4-dimethylbutane 

55. For each hydrocarbon shown, identify the type 

of covalent bonds and name the compound. 

56. Write structural formulas for these compounds. 

a. propyne 

b. cyclohexane 

c. 2-phenylpropane 

d. 2,2,4-trimethylpentane 

57. Name the next three higher homologs of ethane. 

58. Compare geometric and optical isomers. 

59. Draw electron dot structures for each 

compound. 

a. ethene b. propane 

c. ethyne d. cyclobutane 

60. Write an equation for the combustion of octane. 

61. Compare these three molecular structures. 

Which would you expect to be most stable? Why? 

62. The seven organic chemicals produced in the 

largest amounts in the United States in a recent 

year are listed in the table below. Answer the 

following questions based on the data given. 

Amount produced 
Chemical (billions of kg) 

Ethylene 15.9 

Propylene 8.4 

Urea 6.8 
Ethylene dichloride 6.3 

Benzene 5.3 

Ethyl benzene 4.3 

Vinyl chloride 3.7 

a. How many billion kilograms of aromatic 

compounds were produced? 

b. Of the total mass of all seven compounds 

produced, what percent by mass was made up 

of aliphatic compounds? 

63. Are these two structures geometric isomers? 

Explain your answer. 

CH3 

H 

\ 

/ 
C = C 

H. 

C = C 

CH, 

/ 

\ 

H 

CH3 

64. Use the labeled features in the molecular 

structure to answer the following questions. 

(2) 

a. Which label identifies a double bond? 

b. Which label identifies a phenyl group? 

c. Which label identifies a methyl group? 

d. Which label identifies an asymmetric carbon? 

e. Which label identifies a propyl group? 
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Critical Thinking Concept Challenge 

65. Methane (CH4), a widely used fuel, has a heat of 

combustion (AH) of -890 kj/mol. The AH for 

benzene (C6H6) is much higher, -3268 kj/mol, 

yet benzene alone is never used as a fuel. Suggest 

some reasons why benzene is a less desirable 

fuel than methane. 

66. Explain why you cannot draw a structural 

formula for methene. 

67. Use the isomers of 2-pentene to show how lack 

of rotation about a carbon-carbon double bond 

leads to geometric isomers. 

68. Most cyclic hydrocarbons have higher boiling 

points than alkanes with the same number of 

carbons. Suggest a possible explanation for this 

general difference in boiling points. 

69. Alkadienes are hydrocarbons with two double 

bonds. Draw the structural formula of the alka¬ 

diene with the molecular formula C3H4. 

70. The molecular formula C4H6 could represent an 

alkyne, a cycloalkene, or a hydrocarbon with two 

double bonds. Write the condensed structural 

formulas for each. Which compound do you 

think is the least stable, and why? 

71. Draw structural formulas for the following 

compounds. 

a. ds-2,3-dimethyl-3-hexene 

b. l-ethyl-2-methylcyclopentane 

72. Draw the correct structure for any of the ones 

below that are incorrect. 

a. CH3 — CH = CH — CHZ — CH3 

^ CH3 

b'04'cH= 
c. CH3 — C = CH — CH2 — CH3 

d. CH3 = CH — CH2 — CH3 

73. What structural feature is associated with each of 

these hydrocarbons: an alkane; an alkene; 

an aromatic hydrocarbon; a cycloalkane. 

74. Alkenes can undergo an addition reaction in 

which substances are added to the carbons in 

the carbon-carbon double bond. Predict whether 

an alkane or an alkyne is more likely to undergo 

an addition reaction. Explain your answer. 

75. Use the data in Table 22.1 to make a graph of 

boiling point versus number of carbons for the 

first ten straight-chain alkanes. Is the graph a 

straight line? Use the graph to predict the boiling 

point of undecane, the straight-chain alkane 

containing eleven carbons. Use a chemistry 

handbook to find the actual boiling point of 

undecane. Compare the actual boiling point 

with your prediction. 

76. Fossil fuels such as oil and natural gas are the raw 

materials for many consumer products. Should 

this information affect the decision to develop 

energy sources other than fossil fuels? Explain. 

77. The graph shows the number of structural 

isomers for alkanes with three through ten 

carbon atoms. 

Number of Possible Structural Isomers 

a. How many structural isomers are there for 

the C6, C7, C8, C9, and C10 alkanes? 

b. The difference between the number of 

isomers for C7 and C8 is 9. The difference 

between the number of isomers for C9 and Cl0 

is 40. In each case, one additional carbon 

atom is added to the molecule. Why is the 

change in the number of isomers so different? 

78. Correct each of the following names and draw 

the correct structural formulas. 

a. 4-methylhexane 

b. 1,4-diethyl cyclopentane 

c. 3,3methyl-4-ethyloctane 
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CHAPTER 

22 Assessment continued 

Cumulative Review 

79. Calculate the following quantities. [Chapter 14) 

a. The number of liters occupied at STP by 

6.20 X 101 mol Cl2(g). 

b. The volume of a gas at 3 kPa of pressure if the 

same gas has a volume of 6 L at 0.5 kPa and 

the temperature is constant. 

c. The partial pressure of gas X (Px) in a mixture 

of three gases, X, Y, and Z, if the total pressure 

CPtotai) is 50 kPa and the sum of the partial 

pressures of Y and Z is 30 kPa. 

80. How many calories are absorbed when 56.0 g of 

liquid water at 100°C is vaporized to steam at 

100°C? [Chapter 15) 

81. How many moles of solute are in 750 mL of 

1.50MKNO3? How many grams of KN03 is this? 

[Chapter 16) 

82. A silver dollar is heated and placed in a foam cup 

calorimeter containing 50.0 mL of water at 

26.5°C. The water reached a maximum tempera¬ 

ture of 27.3°C. How many joules of heat were 

released by the silver dollar? [Chapter 17) 

83. What is the relationship between a calorie and a 

joule? How many joules is 1 kcal? [Chapter 17) 

84. How does (a) particle size and (b) temperature 

affect the rate of a chemical reaction? 

[Chapter 18) 

85. Explain how the equilibrium position of this 

reaction is affected by (a) decreasing the tem¬ 

perature and (b) removing C02. [Chapter 18) 

CaC03(s) + heat CaO(s) + C02(g) 

86. Write equilibrium constant expressions for the 

following reactions. [Chapter 18) 

a. Cl2(g) + I2(g) ^ 2ICl(g) 

b. 2HBr(g) ^ H2(g) + Br2(g) 

c. 2S2Cl2(g) + 2H20(g) ^ 

4HCl(g) + 3S(g) + S02(g) 

d. N2(g) + 3H2(g) ^ 2NH3(g) 

87. What are the pH values for aqueous solutions 

containing each of the following hydroxide-ion 

concentrations? [Chapter 19) 

a. 1.0 X 10-4M b. 3.9 X 10'7M 

c. 0.010M d. 0.0050M 

88. A colorless solution of unknown pH turns blue 

when tested with the acid-base indicator brom- 

thymol blue. It remains colorless when tested 

with phenolphthalein. [Chapter 19) 

a. What is the approximate pH of the solution? 

b. How could you determine the pH more 

accurately? 

89. Write the formula for each acid or base. 

[Chapter 19) 

a. phosphoric acid b. cesium hydroxide 

c. carbonic acid d. beryllium hydroxide 

90. Write the reaction for the dissociation of each of 

the following compounds in water. [Chapter 19) 

a. sodium hydroxide b. barium hydroxide 

91. Give the oxidation number of each element in 

the following substances. [Chapter 20) 

a. CaC03 b. Cl2 

c. LiI03 d. Na2S03 

92. Identify these processes as either oxidation or 

reduction. [Chapter20) 

a. Fe3+ + e" —> Fe2+ b. Cl2 + 2e“ —» 2C1" 

c. Fe3+ + 3e —>■ Fe d. Zn->■ Zn2+ + 2e~ 

93. Determine the oxidation number of nitrogen in 

the following substances and ions. [Chapter 20) 

a. N204 b. N02 c. NH3 

d. NOa- e. NH4+ f. NO 

94. Balance these redox equations. [Chapter 20) 

a. C3H7OH(Z) + 02(g) —» C02(g) + H20(/) 

b. BaO(s) + Al(s) —> Al203(s) + Ba(s) 

95. Explain the term Standard Cell Potential. 

[Chapter 21) 

96. A voltaic cell is made of the following half-cells. 

Determine the cell reaction and calculate the 

standard cell potential. [Chapter 21) 

M3+[aq) + 3e~—> A1 [s)E°M3+ = -1.66V 

Ni2+[aq) + 2e“—Ni [s)E°m2, = -0.25V 

97. The calculated standard cell potential for a redox 

reaction is a negative number. What does this tell 

you about the reaction? [Chapter 21) 

98. What process always occurs at the cathode of an 

electrolytic cell? At the cathode of a voltaic cell? 

[Chapter 21) 
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Standardized Test Prep 

Test-Taking Tip 

Eliminate Wrong Answers If you don't know 

which response to a question is correct, start by 

eliminating those you know are wrong. If you can 

rule out some choices, you'll have fewer choices 

left to consider and you'll increase your chances of 

choosing the correct answer. 

Select the choice that best answers each question or 

completes each statement. 

1. What is the name of the compound with the 

following structural formula? 

CH3 H ch3 

ch3 — c—c — c—CH3 

H H H 
a. 1,2,3,3-tetramethylpropane 

b. heptane 

c. 2,4-dimethylpentane 

d. 1,5-dimethylbutane 

2. Which of these are characteristic of all alkenes? 

I. unsaturated 

II. carbon-carbon double bond 

III. optical isomers 

a. I and II only 

b. II and III only 

c. I and III only 

d. I, II, and III 

3. How many carbon atoms are in a molecule of 

4,5-diethyloctane? 

a. 10 b. 12 

c. 14 d. 16 

4. Cis-trans geometric isomerism is possible in 

a. 2-pentene. 

b. 2-butane. 

c. propyne. 

d. benzene. 

5. A structural isomer of heptane is 

a. methylbenzene. 

b. 3,3-dimethylpentane. 

c. cycloheptane. 

d. 3-methylhexene. 

6. Which molecule has optical isomers? 

a. CH4 b. CF2H2 

c. CFCIBrI d. CF2C1H 

Use the space-filling models of pentane isomers to 

answer Questions 7 and 8. 

7. Write structural formulas for the three structural 

isomers of pentane, C5H12. Name each isomer. 

8. Write structural formulas for the four structural 

isomers of cyclopentane. Draw ball-and-stick 

models of the isomers. 

The lettered choices below refer to Questions 9-12. 

A lettered choice may be used once, more than once, 

or not at all. 

(A) alkene 

(B) arene 

(C) alkyne 

(D) alkane 

To which of the above classes of hydrocarbons does 

each of the following compounds belong? 

9. C7H16 

10. C5H8 

11. c6h6 

12. C8H16 

Use the molecular structures below to answer 

Questions 13-16. A molecular structure may be 

used once, more than once, or not at all. 

a. CH, H b. 3 \ / 
c= = C 

/ \ 
H ch3 

c. H H d. 
\ / 

C = a 
/ \ 

ch3 ch3 

13. Which structure is a cycloalkane? 

14. Which structure is a saturated hydrocarbon? 

15. Which structure is a ds-isomer? 

16. Which structure is a trans-isomer? 
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Activity 

Making the Slimiest Polymer 
Materials 
White paper glue, 100-mL graduated cylinder, two 

large glasses, four paper or foam cups, borax, balance, 

spoon, 10-mL graduated cylinder 

and knead it with your fingers until it is 

smooth. 

5. Take the contents of the cup with 5 mL of 

borax and slowly stretch it into a long strand 

Repeat for the other three cups. 
Procedure |pg isi m 
1. Mix 60 mL (about 2 oz) of white paper glue with 

60 mL of water in a glass. 

2. Pour 30 mL of this mixture into each of the four cups. 

3. Make a borax solution by stirring 5 g of borax into 

100 mL of water in the other glass. 

4. Add 5 mL of borax solution to the first cup of glue, 

10 mL to the second, 15 mL to the third, and 20 mL 

to the fourth. Stir the mixture in each cup 

Think About It 

1. Which amount of borax allowed you to pull the 

longest strand? 

2. Do you think adding less than 5 mL or more than 

20 mL of the borax solution would allow you to 

pull a longer strand? 

3. Would the results be different if you did not add 

water to the glue initially? 

CHAPTER 

The sweet smell of lavender a r. 

comes, in part,from linalool, 
an alcohol. 

INQUIRY 



Introduction to Functional Groups 

Connecting to Your World The lights dim and the aud, 
ence chatter subsides as the musicians enter the hall. All the musicians 

wear black, and from a distance they look nearly identical. But their 

differences become apparent when they pick up their instruments. As 

the conductor signals the beginning of the piece, a single flute is heard. 

The warm sounds of the stringed instruments join in, 

and soon each musician contributes a 

unique sound to the music. In a similar 

way, one hydrocarbon is nearly 

identical to another until it picks 

up a functional group. In this 

section, you will learn how 

functional groups determine the 

character of organic compounds. 

Functional Groups 

Guide for Reading 

Key Concepts 

• How are organic compounds 

classified? 

• What is a halocarbon? 

• How may halocarbons be 

prepared? 

Vocabulary 

functional group 

halocarbons 

alkyl halides 

aryl halides 

substitution reaction 

Reading Strategy 
Making and Using Tables As 

you read, examine the tables 

carefully. Make a table in your 

notebook that organizes the 

material in this section. 

In Chapter 22, you learned about hydrocarbon chains and rings—the 

essential components of every organic compound. Yet in most chemical 

reactions involving organic molecules, the saturated hydrocarbon skele¬ 

tons of the molecules are chemically inert. How, then, can there be hun¬ 

dreds of different kinds of organic reactions? 

Most organic chemistry involves substituents, which are groups 

attached to hydrocarbon chains. The substituents of organic molecules 

often contain oxygen, nitrogen, sulfur, and/or phosphorus. They are called 

functional groups because they are the chemically functional parts of the 

molecules. A functional group is a specific arrangement of atoms in an 

organic compound that is capable of characteristic chemical reactions. 

Most organic chemistry is functional-group chemistry. Organic com¬ 

pounds can be classified according to their functional groups. Figure 23.1 

shows several consumer products that contain various functional groups. 

The symbol R represents any carbon chains or rings attached to the 

functional group. Because the double and triple bonds of alkenes and 

alkynes are chemically reactive, they are also considered functional 

groups. Table 23.1 on the following page lists the functional groups that 

you will learn about in this chapter and in Chapter 24. You will find it 

helpful to refer to this table throughout the chapter. 

Figure 23.1 Many consumer products 
contain hydrocarbon derivatives. The 

hydrocarbon skeletons in these products are 

chemically similar. Functional groups give 
each product unique properties and uses. 
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Table 23.1 

Organic Compounds Classified by Functional Group 

Compound type Compound structure Functional group 

Halocarbon R —X (X = F, Cl, Br, or 1) Halogen 

Alcohol R — OH Hydroxyl 

Ether R —0 —R Ether 

Aldehyde 
0 
II 

R—C— H 

Carbonyl 

Ketone 
0 
II 

R— C — R 

Carbonyl 

Carboxylic acid 
0 

R—C —OH 

Carboxyl 

Ester 
0 

R—C—0—R 

Ester 

Amine R — NH2 Amino 

Amide 
0 H 

II 1 
R —C — N —R 

Amide 

Halogen Substituents 
Halocarbons are a class of organic compounds containing covalently 

bonded fluorine, chlorine, bromine, or iodine. A halocarbon is a carbon- 

containing compound with a halogen substituent. The IUPAC rules for 

naming halocarbons are based on the name of the parent hydrocarbon. The 

halogen groups are named as substituents. Examples of IUPAC names for 

several simple halocarbons along with their structural formulas and space¬ 

filling models are given in Figure 23.2. Common names are in parentheses. 

Common names of halocarbons consist of two parts. The first part 

names the hydrocarbon portion of the molecule as an alkyl group, such as 

methyl- or ethyl-. The second part gives the halogen with an -ide ending. 

0 ® J* 
v> 4* m 

Cl C1 

CH3-C1 )c = </ 

H H 

Chloromethane Chloroethene Chlorobenzene 
(methyl chloride) (vinyl chloride) (phenyl chloride) 

Figure 23.2 The IUPAC rules for naming 

halocarbons are based on the name of 
the parent hydrocarbon. Structural 

formulas and space-filling models of 

halocarbons. O The common name for 

chloromethane is methyl chloride. 
© The common name for chloroethene 

is vinyl chloride. G The common name 

for chlorobenzene is phenyl chloride. 
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Table 23.2 

Names of Some Common Alkyl Groups 

Name Alkyl group Remarks 

Isopropyl 

ch3 

ch3 —c — 

H 

The prefix iso- is used when there is a methyl 
group on the carbon second from the unsubsti¬ 
tuted end of the longest chain. 

Isobutyl 
ch3 

s'—\ primary 

ch3— ch—ch2— carbon 

The carbon joining this alkyl group to another 
group is bonded to one other carbon; it is a 
primary carbon. 

Secondary butyl 
(sec-butyl) 

''X' secondary 

CH3—CH2—CH—CH3 carbon 

The carbon joining this alkyl group to another 
group is bonded to two other carbons; it is a 
secondary carbon. 

Tertiary butyl 
(tert- butyl) 

ch3 
' ^tertiary 

CH3 C- carbon 

ch3 

The carbon joining this alkyl group to another 
group is bonded to three carbons; it is a tertiary 
carbon. 

Vinyl 
V / 
u/c=c\ 
H H 

When used as an alkyl group in giving com¬ 
pounds common names, this group is called 
vinyl. 

Phenyl Phenyl is derived from benzene. 

On the basis of their common names, halocarbons in which a halogen 

is attached to a carbon of an aliphatic chain are called alkyl halides. The 

number of carbon atoms attached to the carbon that is bonded to the halo¬ 

gen determines whether the carbon is primary, secondary, or tertiary. 

Table 23.2 lists the names of alkyl groups other than methyl, ethyl, and pro¬ 

pyl. Halocarbons in which a halogen is attached to a carbon of an arene 

ring are called aryl halides. 

The attractions between halocarbon molecules are primarily the result 

of the weak van der Waals interactions called dispersion forces. These 

attractions increase with the degree of halogen substitution. Thus, more 

highly halogenated organic compounds have higher boiling points, as 

illustrated in Table 23.3 on the next page. 

Very few halocarbons are found in nature, but they can be readily 

prepared and used for many purposes. For example, halothane (2-bromo- 

2-chloro-1,1,1 -trifluoroethane) is used as an anesthetic. Hydrofluoro¬ 

carbons are used as refrigerants in automobile air-conditioning systems. 

(^Checkpoint ) Give an example of a halocarbon. 

Figure 23.3 Halothane is a 
halocarbon that is used as an 

anesthetic. 



Table 23.3 

Molecular Masses and Boiling Points of Chloromethanes 

Molecular 
structure Name 

Molar 
mass Boiling point (°C) 

ch4* Methane 16.0 -161 

CH3CI 
Chloromethane 
(methyl chloride) 

50.5 -24 

ch2ci2 
Dichloromethane 
(methylene chloride) 

85.0 40 

CHCI3 
Trichloromethane 
(chloroform) 

119.5 61 

0
 

0
 Tetrachloromethane 

(carbon tetrachloride) 
154.0 74 

* Included for purposes of comparison. 

Go ^Inline c -4 ’ /-V C 

SC/lNKS 
For: Links on Substitution 

Reactions 
Visit: www.SciLinks.org 
Web Code: cdn-1231 

Substitution Reactions 
Organic reactions often proceed more slowly than inorganic reactions. This 

is because organic reactions commonly involve the breaking of relatively 

strong covalent bonds. Catalysts are often needed. Many organic reactions 

are complex, often producing a mixture of products. The desired product 

must then be separated by distillation, crystallization, or other means. A 

common type of organic reaction is a substitution reaction, in which an 

atom, or a group of atoms, replaces another atom or group of atoms. 

A halogen can replace a hydrogen atom on an alkane to produce a 

halocarbon. The symbol X stands for a halogen in this generalized equation. 

R — H + X2 --» R —X + HX 

Alkane Halogen Halocarbon Hydrogen 
halide 

Sunlight or another source of ultraviolet radiation usually serves as a cata¬ 

lyst. From the generalized equation, you can write a specific one. 

CH4 + CL CFLC1 + HC1 
9 e- light 3 

Methane Chlorine Chloromethane Hydrogen chloride 

Even under controlled conditions, this simple halogenation reaction pro¬ 

duces a mixture of mono-, di-, tri-, and tetrachloromethanes. 

(^Checkpoint) What is a substitution reaction? 
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Treating benzene with a halogen in the presence of a catalyst causes the 

substitution of a hydrogen atom in the ring. Iron compounds are often used 

as catalysts for aromatic substitution reactions. For example, a rusty nail 

dropped in the reaction flask can act as a catalyst. 

+ HBr 

Halogens on carbon chains are readily displaced by hydroxide ions to 

produce an alcohol and a salt. The general reaction is as follows. 

R —X + CRT R —OH + X“ 
100°C 

Halocarbon Hydroxide ion Alcohol Halide ion 

Chemists usually use aqueous solutions of sodium or potassium hydroxide 

as the source of hydroxide ions. The chemical equations for two specific 

examples are shown below. 

CH3 —I(Z) + KOH {aq) 

Iodomethane 

(methyl iodide) 

Potassium 

hydroxide 

CH3 OH(/) + Kl(aq) 

Methanol Potassium 

iodide 

CH3CH2Br(/) + NaOH(a</) 

Bromoethane Sodium 

(ethyl bromide) hydroxide 

CH3CH2OH(Z) + NaBr(aq) 

Ethanol Sodium 

bromide 

Fluoro groups are not easily displaced. Thus, fluorocarbons are seldom, if 

ever, used to make alcohols. 

23.1 Section Assessment 

1. Key Concept How are organic compounds 

classified? 

2. Key Concept What is a halocarbon? 

3. Key Concept How can a halocarbon be 

prepared? 

4. Identify the functional group in each structure. 

a. CH3—OH 

b. CH3 — CHz— NH2 

d. CH3— CH2— CH2— Br 

e. CH3 — CH2 — O—CH2 — CH3 

5. Give the structural formula for each compound. 

a. isopropyl chloride 

b. 1 -iodo-2,2-dimethylpentane 

c. p-bromotoluene 

6. Write the names of all possible dichloropro- 

panes that could form from the chlorination of 

propane. 

Handbook 

Halogens Learn more about the chemistry of halo¬ 

gens on pages R32-R35 of the Elements Handbook. 
Write a short report about the importance of halo¬ 
gens as functional groups in organic chemistry. 

Textbook 
Assessment 23.1 Check your 
understanding of the important 
ideas and concepts in Section 23.1. 

__with ChemASAP 
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Alcohols and Ethers 

Guide for Reading 

© Key Concepts 
• How are alcohols classified and 

named? 

• How does the solubility of an 

alcohol vary with the length of 

its carbon chain? 

• What reactions of alkenes may 

be used to introduce functional 

groups into organic molecules? 

• What is the general structure of 

an ether and how are their alkyl 

groups named? 

Vocabulary 
alcohol 

hydroxyl group 

fermentation 

denatured alcohol 

addition reaction 

hydration reaction 

hydrogenation reaction 

ether 

Reading Strategy 
Relating Text and Visuals As 

you read, look carefully at the 

structural formulas and the space¬ 

filling models in the section. In 

your notebook, explain how 

each type of representation 

of a compound helps you to 

understand organic compounds 

and their functional groups. 

Connecting to Your World Pnor t0 lhe, 840s, patients had 

to endure surgery while they were fully conscious.Today, when having 

major surgery, a patient often receives a general anesthetic. In addition to 

causing the patient to lose consciousness, a general anesthetic also 

causes the patient's muscles to relax.The major benefit of a general 

anesthetic is that the patient does not 

experience pain during surgery.The 

earliest anesthetics, used during 

the Civil War, belonged to a class 

of chemical compounds called 

ethers. In this section, you will 

read about the chemical charac¬ 

teristics of ethers that make them 

good anesthetics. 

Alcohols 
What do mouthwash, perfume, and hairspray have in common? They all 

contain an alcohol of some type. An alcohol is an organic compound with 

an — OH group. 

Alcohol molecule 

The —OH functional group in alcohols is called a hydroxyl group or 

hydroxy function. Aliphatic alcohols can be classified into structural cat¬ 

egories according to the number of R groups attached to the carbon with the 

hydroxyl group. If one R group is attached, the alcohol is a primary alcohol; 

if two R groups, a secondary alcohol; if three R groups, a tertiary alcohol. 

This nomenclature is summarized below. 

Primary R —CH2 —OH Only one R group is attached to C — OH 

alcohol 

R 

of a primary (abbreviated 1°) alcohol. 

Secondary R — CH — OH Two R groups are attached to C — OH 
alcohol 

R 

of a secondary (2°) alcohol. 

Tertiary R —C —OH Three R groups are attached to C — OH 
alcohol 

R 

of a tertiary (3°) alcohol. 

(^Checkpoint) What is an alcohol? 
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Both IUPAC and common names are used for alcohols, When 

using the IUPAC system to name continuous-chain and substituted alcohols, 

drop the -e ending of the parent alkane name and add the ending -oL The par¬ 

ent alkane is the longest continuous chain of carbons that includes the car¬ 

bon attached to the hydroxyl group. In numbering the longest continuous 

chain, the position of the hydroxyl group is given the lowest possible num¬ 

ber. Alcohols containing two, three, and four —OH substituents are 

named diols, triols, and tetrols, respectively. 

Common names of aliphatic alcohols are written in the same way as 

those of the halocarbons. The alkyl group ethyl, for example, is named and 

followed by the word alcohol, as in ethyl alcohol. Figure 23.4 shows several 

products that contain ethyl alcohol. Compounds with more than one — OH 

substituent are called glycols. The structural formulas for some simple 

aliphatic alcohols along with their IUPAC and common names are shown 

below. 

CH3 —OH 

Methanol 

(methyl alcohol) 

CH3 — CH2 — CH2 — OH 

l-propanol 

(propyl alcohol) 

ch3 

CH3 —CH —CH2 —OH 

2-methyl- l-propanol 

(isobutyl alcohol) 

ch3 

CH3 — C — CH3 

OH 

2-methyl-2-propanol 

(fert-butyl alcohol) 

CH3 —CH —CH2 

OH OH 

1,2-propanediol 

(propylene glycol) 

CH3 — CH2 — OH 

Ethanol 

(ethyl alcohol) 

OH 

CH3 —CH —CH3 

2-propanol 

(isopropyl alcohol) 

CH3 — CH2 — CH — CH 

OH 

2-butanol 

(sec-butyl alcohol) 

ch2 — ch2 

OH OH 

1,2-ethanediol 

(ethylene glycol) 

CH2 —CH —CH2 

OH OH OH 

1,2,3-propanetriol 

(glycerol) 

Phenols are compounds in which a hydroxyl group is attached directly 

to an aromatic ring. Phenol is the parent compound. Cresol is the common 

name for the o, m, and p structural isomers of methylphenol. Phenols are 

commonly used to make plastics, fibers, and drugs. 

C Go inline 
-<a*sc('inks 

For: Links on Alcohols 

Visit: www.SdLinks.org 

Web Code: cdn-1232 

Figure 23.4 Ethanol (ethyl 

alcohol) is a common component 

of many household products. 
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ch3-oh ch3-ch2-oh CH3—CH—CH3 ch2—ch2 CH2 — CH—CH2 

Methanol 
(methyl alcohol) 

Ethanol 
(ethyl alcohol) 

OH 

2-propanol 
(isopropyl alcohol) 

OH OH 

1,2-ethanediol 
(ethylene glycol) 

OH OH OH 

1,2,3-propanetriol 
(glycerol) 

Figure 23.5 These alcohols 

contain one, two, or three 

hydroxyl groups. Classifying 
Which space-filling model 

depicts a diol? A triol? 

Figure 23.6 Aliphatic alcohols 

are used in many common 

household products. Q Isopropyl 

alcohol is an effective antiseptic. 

0 Ethylene glycol is the main 

ingredient in antifreeze. 0 Many 

cosmetic products contain 

glycerol. Applying Concepts 
How does antifreeze prevent the 

water in a car's radiator from 
freezing at 0°C and boiling at 

Properties of Alcohols 
Alcohols are capable of intermolecular hydrogen bonding. Therefore, they 

boil at higher temperatures than alkanes and halocarbons containing com¬ 

parable numbers of atoms. 

Because alcohols are derivatives of water (the hydroxyl group is part of a 

water molecule), they are somewhat soluble. Alcohols of up to four car¬ 

bons are soluble in water in all proportions. The solubility of alcohols with 

four or more carbons in the chain is usually much lower. This is because alco¬ 

hols consist of two parts: the carbon chain and the hydroxyl group. The carbon 

chain is nonpolar and is not attracted to water. The hydroxyl group is polar 

and strongly interacts with water through hydrogen bonding. For alcohols of 

up to four carbons, the polarity of the hydroxyl group is more significant than 

the nonpolarity of the carbon chain. Thus, these alcohols are soluble in water. 

As the number of carbon atoms increases above four, however, the nonpolar¬ 

ity of the chain becomes more significant, and the solubility decreases. 

Many aliphatic alcohols are used in laboratories, clinics, and industry 

as shown in Figure 23.6. Isopropyl alcohol (IUPAC: 2-propanol), which is 

more familiarly known as rubbing alcohol, is a colorless, somewhat odor¬ 

less liquid (bp 82°C) often used as an antiseptic. It is also used as a base 

for perfumes, creams, lotions, and other cosmetics. Ethylene glycol 

(IUPAC: 1,2-ethanediol) is the principal ingredient of certain antifreezes. 

Its boiling point is 197°C. Its advantages over other liquids with high boil¬ 

ing points are its solubility in water and its freezing point of — 17.4°C. If 

water is added to ethylene glycol, the mixture freezes at an even lower tem¬ 

perature. For example, a 50% (v/v) aqueous solution of ethylene glycol 

freezes at —36°C. Another aliphatic alcohol, glycerol (IUPAC: 1,2,3-propan¬ 

etriol), is a viscous, sweet-tasting, water-soluble liquid used as a moisten¬ 

ing agent in cosmetics, foods, and drugs. Glycerol is also an important 

component of fats and oils, which you will learn about in Chapter 24. 
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Ethyl alcohol (IUPAC: ethanol), which has a boiling point of 78.5°C, is 

also called grain alcohol. It is an important industrial chemical. Most etha¬ 

nol is still produced by yeast fermentation of sugar. Fermentation is the 

production of ethanol from sugars by the action of yeast or bacteria. The 

bread shown in Figure 23.7 is different from the crackers because of fer¬ 

mentation. The enzymes of the yeast or bacteria serve as catalysts for the 

transformation. The breakdown of the sugar glucose (C6H1206) is an impor¬ 

tant fermentation reaction. 

C6H1206(ag) -> 2CH3CH2OH(a<7) + 2CO?(g) 

Figure 23.7 Cracker and bread 

dough are both made primarily 

of flour and water, but bread 

dough also contains yeast. Carbon 

dioxide, a product of sugar 

fermentation by yeast, causes 

bread to rise. Inferring What 
happens to the ethanol that is 

also produced? 

Glucose Ethanol Carbon dioxide 

Ethanol is the intoxicating substance in alcoholic beverages. It is a depre¬ 

ssant that can be fatal if taken in large doses at once. Over time, continuous 

abuse of alcoholic beverages can damage the liver, which can lead to death. 

The ethanol used in industrial applications is denatured. Denatured 

alcohol is ethanol with an added substance to make it toxic (poisonous). 

That added substance, or denaturant, is often methyl alcohol (IUPAC: 

methanol). Methyl alcohol is sometimes called wood alcohol because, 

prior to 1925, it was prepared by the distillation of wood. Wood alcohol is 

extremely toxic. As little as 10 mL has been reported to cause permanent 

blindness, and as little as 30 mL has been known to cause death. 

Addition Reactions 
The carbon-carbon single bonds in alkanes are not easy to break. In an alk- 

ene, however, one of the bonds in the double bond is somewhat weaker 

and thus is easier to break than a carbon-carbon single bond. So it is some¬ 

times possible for a compound of general structure X—-Y to add to a double 

bond. In an addition reaction, a substance is added at the double or triple 

bond of an alkene or alkyne. Addition reactions of alkenes are an impor¬ 

tant method of introducing new functional groups into organic molecules. In 

the general reaction shown below, X and Y represent the two parts of the 

compound that are added. 
X Y 

^C = c^ + X —Y-> —c —c — 

Section 23.2 Alcohols and Ethers 733 



Figure 23.8 Bromine can be 

used to identify unsaturated 

compounds. O Bromine has a 

brownish-orange color. © A few 

drops of bromine solution are 

added to an unsaturated organic 

compound. O The bromine 

reacts to form a colorless 

halocarbon. 

The addition of water to an alkene is a hydration reaction. Hydration 

reactions usually occur when the alkene and water are heated to about 

100°C in the presence of a trace of strong acid. The acid, usually hydrochlo¬ 

ric acid or sulfuric acid, serves as a catalyst for the reaction. The addition of 

water to ethene, the equation for which is shown below, is a typical hydra¬ 

tion reaction. The parts of ethanol that come from the addition of water are 

shown in blue. 

H OH 
H H 1 | 
\ / H+ • 

n
 II n
 

+ H —OH H—C — C —H 

H XH 
100°C 

H H 

Ethene Water Ethanol 

When the reagent X—Y is a halogen molecule such as chlorine or bro¬ 

mine, the product of the reaction is a disubstituted halocarbon. The addi¬ 

tion of bromine to ethene to form the disubstituted halocarbon 1,2- 

dibromoethane is an example. 

Br Br 
FI H 1 1 
\ / 1 

\
 n

 

n
 

\ 
+ Br —Br — —> H—C — C — H 

H H 
H FI 

Ethene Bromine 1,2-dibromoethane 

(colorless) (brownish (colorless) 

orange) 

The addition of bromine to carbon-carbon multiple bonds is often used as 

a chemical test for unsaturation in an organic molecule. Bromine has a 

brownish-orange color, but most organic compounds of bromine are col¬ 

orless. The test for unsaturation is performed by adding a few drops of a 1% 

solution of bromine in carbon tetrachloride (CC14) to the suspected alkene. 

As Figure 23.8 shows, the loss of the orange color is a positive test for unsat¬ 

uration. If the orange color remains, the sample is completely saturated. 

Hydrogen halides, such as HBr or HC1, also can add to a double bond. 

Because the product contains only one substituent, it is called a monosub- 

stituted halocarbon. The addition of hydrogen chloride to ethene is an 

example. 

H Cl 
H H 1 1 
\ / I 
^0 = 0^ +H —Cl- —> H—C — c— 

H H 
H H 

Ethene Hydrogen Chloroethane 

(ethylene) chloride (ethyl chloride) 

The addition of hydrogen to a carbon-carbon double bond to produce 

an alkane is called a hydrogenation reaction. Hydrogenation reactions 

usually require a catalyst. Finely divided platinum (Pt) or palladium (Pd) is 

often used. The manufacture of margarine from unsaturated vegetable 

oils is a common application of a hydrogenation reaction. Adding hydro¬ 

gen to unsaturated oils results in the formation of saturated fats that have 

higher melting points than the unsaturated oils and remain solid at room 

temperature. 
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The hydrogenation of a double bond is a reduction reaction. In the 

examples below, ethene is reduced to ethane, and cyclohexene is reduced 

to cyclohexane. 

H H 

H\ /H I 
^C = c/ + H — H ——> H— C — C — H 

H XH I I 
H H 

Ethene Hydrogen Ethane 
(ethylene) 

Cyclohexene Hydrogen Cyclohexane 

Under normal conditions, benzene resists hydrogenation. It also resists 

the addition of a halogen or a hydrogen halide. Under conditions of high 

temperatures and high pressures of hydrogen, and with certain catalysts 

however, three molecules of hydrogen gas can reduce one molecule of 

benzene to form one molecule of cyclohexane. 

Benzene Hydrogen Cyclohexane 

Ethers 
Another class of organic compounds may sound familiar to you—ethers. 

An ether is a compound in which oxygen is bonded to two carbon groups. 

The general structure of an ether is R— O—R. The alkyl groups attached 

to the ether linkage are named in alphabetical order and ar e followed by the 

word ether. 

O 
/"\ 

R R CH3CH2 — O — CH3 

Ether molecule Ethylmethyl ether 

Methylphenyl ether 
(anisole) 

Some ethers, such as ethylmethyl ether and methylphenyl ether, are 

nonsymmetric. This is because the R groups attached to the ether oxygen 

are different. When both R groups are the same, the ether is symmetric. 

Symmetric ethers are named by using the prefix di-. Sometimes, however, 

the prefix di- is dropped and a compound such as diethyl ether is simply 

called ethyl ether. Figure 23.9 shows examples of a nonsymmetric ether 

and a symmetric ether. 

(^Checkpoint) What is an ether? 

Figure 23.9 Ethers are either 

nonsymmetric or symmetric. 

0 Ethylmethyl ether is an 

example of a nonsymmetric 

ether. © Diphenyl ether is a 

symmetric ether. Both space¬ 

filling and ball-and-stick models 

of each ether are shown. 

InterpretingVisuals Describe 

the differences between a 
nonsymmetric ether and a 

symmetric ether. 
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Figure 23.10 Diethyl ether is a 

dangerous, highly flammable 

liquid. It is usually stored in metal 

cans to keep it away from direct 

sunlight. 

Diethyl ether, a volatile liquid (bp 35°C) shown in Figure 23.10, was the 

first reliable general anesthetic. Originally reported in 1849 by Crawford W. 

Long, an American physician, diethyl ether was used by doctors for more 

than a century. 

ch3ch2—o—ch2ch3 

Diethyl ether 
(ethyl ether) 

Diphenyl ether 
(phenyl ether) 

Diethyl ether has been replaced by other anesthetics such as halothane 

because it is highly flammable and often causes nausea. Diphenyl ether is 

used in the manufacture of perfumes and soaps. 

Ethers usually have lower boiling points than alcohols of comparable 

molar mass. They have higher boiling points than comparable hydrocar¬ 

bons and halocarbons. Ethers are more soluble in water than hydrocar¬ 

bons and halocarbons, but less soluble than alcohols. This is because the 

oxygen atom in an ether is a hydrogen acceptor. Ethers have no hydroxyl 

hydrogen atoms to donate in hydrogen bonding. Ethers, therefore, form 

more hydrogen bonds than hydrocarbons and halocarbons but fewer 

hydrogen bonds than alcohols. 

23.2 Section Assessment 
7. Key Concept How are alcohols classified and 

named? 

8. Key Concept How does the solubility of alco¬ 

hols vary with the length of the carbon chains? 

9. Key Concept How can functional groups be 

introduced into organic molecules? 

10. Key Concept Write the general structure for 

an ether and explain how ethers are named. 

11. Give the structure for the expected organic 

product from each of the following reactions. 

CH3 H 
\ / 

a- /C=C\ + HBr — 

H CH3 

b. 

c. 

catalyst 

+ 3H2 
catalyst 

pressure 

12. Write the common names for the following com¬ 

pounds. 

a. CH3CH2CHCH3 b. CH3CHCH2OH 

OH CH3 

c. CH3CH2OCH2CH3 

d. CH3CH2CH2OCH2CH2CH2CH3 

Writing Activity 

Portfolio Project Research and write a report on 

methyl-ferf-butyl ether (MTBE). Find out why MTBE 

was added to gasoline and why its use is now limited. 

Textbook 

Assessment 23.2 Check your 

understanding of the important 

ideas and concepts in Section 23.2. 

—.. with ChemASAP 
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23.3 Carbonyl Compounds 

Connecting to Your World what is your favorjte flav0, 
benzaldehyde or vanillin? Although these two flavors might 

sound like they belong in the foods of a science-fiction movie, 

the chances are good that you have eaten these 

organic molecules, called aldehydes, in ice 

cream or cookies. Aldehydes and other 

carbonyl compounds have important 

everyday uses—even though they 

may have unfamiliar names. In this 

section,you will read about the 

properties that are associated with 

carbonyl compounds. 

Aldehydes and Ketones 
Remember that in an alcohol, an oxygen atom is bonded to a carbon group 

and a hydrogen atom. In an ether, an oxygen atom is bonded to two carbon 

groups. An oxygen atom can also be bonded to a single carbon atom by a 

double covalent bond. Such an arrangement is called a carbonyl group. A 

carbonyl group is a functional group with the general structure C=0. 

f^The C=0 functional group is present in aldehydes and ketones. The 

structural formulas and space-filling models of some carbonyl-group 

compounds are shown in Figure 23.11. 

An aldehyde is an organic compound in which the carbon of the car¬ 

bonyl group is always joined to at least one hydrogen. The general formula 

for an aldehyde is RCHO. 

A ketone is an organic compound in which the carbon of the carbonyl 

group is joined to two other carbons. The general formula for a ketone is 

RCOR. 

O 
- Carbonyl group 

O 

R-C-H 

Aldehyde 

- Carbonyl group 

R-C-R 

Ketone 

o o o 

O H-C-H © CH3-C-H © CH3-C-CH3 

Guide for Reading 

<^ Key Concepts 
• What is the structure of a 

carbonyl group found in 

aldehydes and ketones? 

• What is the general formula 

for a carboxylic acid? 

• What is the general structure 

of an ester? 

• Why is dehydrogenation an 

oxidation reaction? 

Vocabulary 
carbonyl group 

aldehyde 

ketone 

carboxylic acid 

carboxyl group 

fatty acids 

esters 

dehydrogenation reaction 

Reading Strategy 
Summarizing As you read about 

carbonyl compounds, summarize 

the main ideas in the text that 

follow each red and blue heading. 

Figure 23.11 These low molar- 

mass carbonyl group compounds 

are completely soluble in water. 

0 Methanal is commonly known 

as formaldehyde. © Ethanal 

is commonly known as 

acetaldehyde. O Propanone is 

commonly known as acetone. 

Interpreting Diagrams Use 

the structures to explain why 
these compounds are soluble in 

water. 
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r Table 23.4 IP 

Some Common Aldehydes and Ketones 

Condensed formula Structural formula IUPAC name Common name 

Aldehydes 

HCHO 
0 

H —C —H 

Methanal Formaldehyde 

CH3CHO 

0 

II 
CH3 — C — H 

Ethanal Acetaldehyde 

C6H5CHO 

0 

/ \ 11 C V-C—H 
Benzaldehyde Benzaldehyde 

c6h5ch=chcho 

_ 0 

/ \-CH=CH-C-H 
3-phenyl-2-propenal Cinnamaldehyde 

CH30(0H)C6H3CH0 

ho" 

''X. 

OCH 

X
 

1 
0

 =
 0

 \ 
” 

4-hydroxy-3- 

methoxybenzaldehyde 
Vanillin 

Ketones 

CH3COCH3 

0 

II 
ch3—c — ch3 

Propanone 
Acetone 

(dimethyl ketone) 

C6H5COC6H5 

0 

II 
rc- 

1 0 
Diphenyl methanone 

Benzophenone 

(diphenyl ketone) 

The IUPAC system may be used for naming aldehydes and ketones. For 

either class of compounds, first identify the longest hydrocarbon chain that 

contains the carbonyl group. Replace the -e ending of the hydrocarbon by 

-al to designate an aldehyde. In the IUPAC system, the continuous-chain 

aldehydes are named methanal, ethanal, propanal, butanal, and so forth. 

Ketones are named by changing the ending of the longest continuous 

carbon chain that contains the carbonyl group from -e to -one. Table 23.4 

illustrates the naming of some common aldehydes and ketones. If the car¬ 

bonyl group of a ketone could occur at more than one place on the chain, 

then its position is designated by the lowest possible number. 

(VjCheckpoint) What name ending designates a ketone? 
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Table 23.5 

Boiling Points of Some Compounds with One and Two Carbons 

Compound Formula Molar mass Boiling point (°C) 
Primary intermolecular 

interactions 

One carbon 

Methane ch4 16 -161 
No hydrogen-bonding or 

polar-polar interactions 

Methanal HCHO 30 -21 Polar-polar interactions 

Methanol CH3OH 32 65 Hydrogen bonding 

Two carbons 

Ethane c2h6 30 -89 
No hydrogen-bonding or 

polar-polar interactions 

Ethanal CH3CHO 44 21 Polar-polar interactions 

Ethanol CH3CH2OH 46 78 Hydrogen bonding 

Properties of Aldehydes and Ketones Aldehydes and ketones can 

form weak hydrogen bonds between the carbonyl oxygen and the hydro¬ 

gen atoms of water. The lower members of the series—methanal (formal¬ 

dehyde), ethanal (acetaldehyde), and propanone (acetone)—are soluble in 

water in all proportions. As the length of the hydrocarbon chain increases, 

however, water solubility decreases. When the carbon chain exceeds five or 

six carbons, solubility of both aldehydes and ketones is very low. As might 

be expected, all aldehydes and ketones are soluble in nonpolar solvents. 

Aldehydes and ketones cannot form intermolecular hydrogen bonds 

because they lack hydroxyl (—OH) groups. Consequently, they have boil¬ 

ing points that are lower than those of the corresponding alcohols. Alde¬ 

hydes and ketones can attract each other, however, through polar-polar 

interactions of their carbonyl groups. As a result, their boiling points are 

higher than those of the corresponding alkanes. These attractive forces 

account for the fact that nearly all aldehydes and ketones are either liquids 

or solids at room temperature. The exception is methanal, which is an irri¬ 

tating, pungent gas. Table 23.5 compares the boiling points of alkanes, 

aldehydes, and alcohols of similar molar mass. 

Uses of Aldehydes and Ketones A wide variety of aldehydes and 

ketones have been isolated from plants and animals. Many of them, partic¬ 

ularly those with high molar masses, have fragrant or penetrating odors. 

They are usually known by their common names, which can indicate their 

natural sources or perhaps a characteristic property. Aromatic aldehydes 

are often used as flavoring agents. Benzaldehyde is the simplest aromatic 

aldehyde. Also known as oil of bitter almond, benzaldehyde is a constituent 

of almonds. It is a colorless liquid with a pleasant almond odor. Cinnamal- 

dehyde imparts the characteristic odor of oil of cinnamon. 
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Figure 23.12 Vanilla beans, the 

seed pods of the vanilla orchid, 

are the natural source of this 

vanilla flavoring for ice cream 

and other foods. 

Figure 23.13 Many types of nail 

polish remover contain acetone, a 

common ketone. 

Figure 23.14 Carboxylic acids 

give a variety of foods—spoiled 

as well as fresh—a distinctive 

sour taste. Predicting What 
would you expect the pH range 

of aqueous solutions containing 
carboxylic acids to be? 

Vanilla beans, which are responsible for the popular vanilla flavor, are 

shown in Figure 23.12. 

The simplest aldehyde is methanal, also called formaldehyde. Metha- 

nal is very important industrially, having its greatest use in the manufac¬ 

ture of synthetic resins, but it is hard to handle in the gaseous state. 

Methanal is usually available as a 40% aqueous solution, known as forma¬ 

lin. Formalin can be used to preserve biological specimens. The methanal 

in solution combines with protein in tissues to make the tissues hard and 

insoluble in water, preventing the specimen from decaying. Today, forma¬ 

lin is used infrequently as a preservative because it causes cancer. 

The most common industrial ketone is propanone, also called acetone. 

Propanone is a colorless, volatile liquid that boils at 56°C. It is miscible with 

water in all proportions. Propanone is used as a solvent for resins, plastics, and 

varnishes and is often found in nail-polish removers as shown in Figure 23.13. 

Carboxylic Acids 
A carboxylic acid is a compound with a carboxyl group. A carboxyl group 

consists of a carbonyl group attached to a hydroxyl group. 

O 

R-C-OH 

' Carbonyl group 

, Hydroxyl group 

Carboxyl group 
(also written — C02H or —COOH) 

0^ The general formula for a carboxylic acid is RCOOH. Carboxylic acids 

are weak acids because they ionize slightly in solution to give a carboxylate 

ion and a hydrogen ion. 

O O 

R —C —OH R — C — O" + HH 

Carboxylic 

acid 

Carboxylate Hydrogen ion 

ion (proton) 

In the IUPAC system, carboxylic acids are named by replacing the -e ending 

of the parent alkane with the ending -oic acid. Remember, the parent alkane of 

a carboxylic acid is the hydrocarbon with the longest continuous carbon 

chain containing the carboxyl group. 
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r Table 23.6 

Saturated Aliphatic Carboxylic Acids 

Formula Carbon atoms IUPAC name Common name Melting point (°C) 

HCOOH 1 Methanoic acid Formic acid 8 

CH3COOH 2 Ethanoic acid Acetic acid 17 

CH3CH2COOH 3 Propanoic acid Propionic acid -22 

CH3(CH2)2COOH 4 Butanoic acid Butyric acid -6 

CH3(CH2)4COOH 6 Hexanoic acid Caproic acid -3 

CH3(CH2)6COOH 8 Octanoic acid Caprylic acid 16 

CH3(CH2)8COOH 10 Decanoic acid Capric acid 31 

CH3(CH2)10COOH 12 Dodecanoic acid Laurie acid 44 

CH3(CH2)12COOH 14 Tetradecanoic acid Myristic acid 58 

CH3(CH2)14COOH 16 Hexadecanoic acid Palmitic acid 63 

CH3(CH2)16COOH 18 Octadecanoic acid Stearic acid 70 

Carboxylic acids are abundant and widely distributed in nature. Many 

have common names derived from a Greek or Latin word that describes 

their natural sources. For example, the common name for ethanoic acid is 

acetic acid, which comes from the Latin word acetum, meaning vinegar. 

Common household vinegar contains about 5% (v/v) acetic acid. The for¬ 

mation of acetic acid in wine causes the wine to turn sour, become vinegar, 

and develop a pungent aroma. One type of vinegar made from wine is 

shown in Figure 23.14. Many continuous-chain carboxylic acids were first 

isolated from fats and are called fatty acids. Propionic acid, the three- 

carbon acid, literally means first fatty acid. Common names are used more 

often than IUPAC names for carboxylic acids. Table 23.6 lists the names 

and formulas of some common aliphatic carboxylic acids. 

The low-molar-mass members of the aliphatic carboxylic acid series 

are colorless, volatile liquids. They have sharp, unpleasant odors. The 

higher members of the series are nonvolatile, waxy, odorless solids with 

low melting points. Stearic acid, an 18-carbon acid obtained from beef fat, 

is used to make inexpensive wax candles. 

Like alcohols, carboxylic acids form intermolecular hydrogen bonds. 

Thus, carboxylic acids have higher boiling and melting points than other 

compounds of similar molar mass. All aromatic carboxylic acids are crys¬ 

talline solids at room temperature. 

The carboxyl group in carboxylic acids is polar and readily forms 

hydrogen bonds with water molecules. Figure 23.15 shows a model of etha¬ 

noic acid. Methanoic, ethanoic, propanoic, and butanoic acids are com¬ 

pletely miscible with water. The solubility of carboxylic acids of higher 

molar mass drops sharply, however. Most carboxylic acids dissolve in 

organic solvents such as ethanol or propanone. 

(^Checkpoint) What is a fatty acid? 

CH3COOH 

Figure 23.15 Ethanoic acid, 

shown in this formula and 

space-filling model, is a color¬ 

less, volatile liquid. Applying 
Concepts Is ethanoic acid 
soluble in water? Why? 
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Esters 
Esters are probably the most pleasant and delicious organic compounds 

one can study. Many esters have pleasant, fruity odors. Esters give blueber¬ 

ries, pineapples, apples, pears, bananas, and many other fruits their char¬ 

acteristic aromas. They give many perfumes their fragrances. Esters are 

derivatives of carboxylic acids in which the — OH of the carboxyl group has 

been replaced by an — OR from an alcohol. Esters contain a carbonyl 

group and an ether link to the carbonyl carbon. The general formula for an 

ester is RCOOR. The R groups can be short-chain or long-chain aliphatic 

(alkyl) or aromatic (aryl) groups, saturated or unsaturated. 

Carbonyl group ''•y 

0 
R -</ 

O — R 
' Alkyl or aryl group 

(from the alcohol) 

Figure 23.16 Esters impart the 

characteristic aromas and flavors 

of many flowers and fruits. 

Marigolds, raspberries, and 

bananas all contain esters. 

Figure 23.16 shows some of the flowers and fruits that contain esters. 

Simple esters are neutral substances. Although the molecules are polar, 

they cannot form hydrogen bonds with one another because they do not 

contain hydrogen attached to oxygen or another electronegative atom. As a 

result, only weak attractions hold ester molecules to one another. As you 

might expect, esters have much lower boiling points than the strongly 

hydrogen-bonded carboxylic acids from which they are derived. The low- 

formula-mass esters are somewhat soluble in water, but esters containing 

more than four or five carbons have very limited solubility. 

Esters may be prepared from a carboxylic acid and an alcohol. The pro¬ 

cess is called esterification. The reactants, usually a carboxylic acid and a 

primary or secondary alcohol, are heated with a mineral acid as a catalyst. 

The reaction is reversible. 

v h+ ^ 
R —C +RO —H^=^R —C +H — OH 

\OH \OR 

Carboxylic Alcohol Carboxylate Water 

acid ester 
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The formation of the ester ethyl ethanoate from ethanoic acid and ethanol 

is an example of esterification. The product of this reaction, ethyl etha¬ 

noate, is shown in Figure 23.17. 

H+ 
ch3-c +ch3ch2o-h ch3—c 

XOH x0CH2CH3 + H20 

Ethanoic Ethanol Ethyl Water 

ac*d ethanoate 

If an ester is heated with water for several hours, usually very little 

happens. In strong acid or base solutions, however, the ester breaks down. 

An ester is hydrolyzed by the addition of water to produce a carboxylic acid 

and an alcohol. The reaction is rapid in acidic solution. 

O O 
II H+ II 

CH3 — C — OCH2CH3 + H — OH CH3 — C — OH + HOCH2CH3 

Ethyl ethanoate Ethanoic acid Ethanol 

// 
ch3—c 

xOCH2CH3 

Ethyl 
ethanoate 

Figure 23.17 Ethyl ethanoate, 

shown with its structural formula 

and space-filling model, is a low- 

molar-mass ester. 

Hydroxide ions also promote this reaction. The usual agent for ester 

hydrolysis is an aqueous solution of sodium hydroxide or potassium 

hydroxide. Because many esters do not dissolve in water, a solvent such as 

ethanol is added to make the solution homogeneous. The reaction mixture 

is usually heated. All of the ester is converted to products. The carboxylic 

acid product is in solution as its sodium or potassium salt. 

O O 
II II 

CH3 — c — OCH2CH3 + NaOH-> CH3 — C — CTNa+ + HOCH2CH3 

Ethyl ethanoate Sodium ethanoate Ethanol 

If the reaction mixture is acidified, the carboxylic acid forms. 

O O 

CH3 — C — 0~Na+ + HC1-» CH3 —C —OH + NaCl 

Sodium ethanoate Ethanoic acid 

Oxidation-Reduction Reactions 
All the classes of organic compounds you have just studied are related by 

oxidation and reduction reactions. Recall from Chapter 20 that oxidation is 

the gain of oxygen, loss of hydrogen, or loss of electrons and reduction is 

the loss of oxygen, gain of hydrogen, or gain of electrons. Also remember 

that one does not occur without the other. 

In organic chemistry, the number of oxygen atoms and hydrogen atoms 

attached to carbon indicates the degree of oxidation of a compound. The 

fewer hydrogens on a carbon-carbon bond, the more oxidized the bond. 

Thus, a triple bond (an alkyne) is more oxidized than a double bond (an al- 

kene), which is more oxidized than a single bond (an alkane). In other words, 

an alkane can be oxidized to an alkene and then to an alkyne; ethane (an 

alkane) can be oxidized to ethene (an alkene), then to ethyne (an alkyne). 
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Figure 23.18 Oxidation 

reactions occur in many daily 

activities. O These basketball 

players are energized by 

oxidation reactions taking place 

within the cells of their bodies. 

© Much of the world relies on 

hydrocarbon combustion as a 

source of energy for vehicles. 

The loss of hydrogen is a dehydrogenation reaction. Strong heating and 

a catalyst are usually necessary to make dehydrogenation reactions occur. 

Dehydrogenation is an oxidation reaction because the loss of each mole¬ 

cule of hydrogen involves the loss of two electrons from the organic molecule. 

The remaining carbon electrons pair to make a second or third bond. 

H H 

H H 

loss of hydrogen 
(dehydrogenation) 

oxidation 

H H loss of hydrogen 
(dehydrogenation) tt TT 

v-< vj. ^ ii n 
/ \ oxidation 

H H 

Least oxidized Most oxidized 
(most reduced) (least reduced) 

These reactions are reversible. Alkynes can be reduced to alkenes, and al- 

kenes can be reduced to alkanes by addition of hydrogen to a double bond. 

H-C=C—H 

gain of 
hydrogen 

(hydrogenation)^ 
H 

Nc 
H 

=c/ 

gain of 
hydrogen 

(hydrogenation) 
H H 

H—C—C—H 

Most oxidized 
(least reduced) 

reduction / 
H 

\ 
H 

reduction / \ 
H H 

Most reduced 
(least oxidized) 

Oxidation in organic chemistry also involves the number and degree of 

oxidation of oxygen atoms attached to carbon. For example, methane, a 

saturated hydrocarbon, can be oxidized in steps to carbon dioxide. This 

occurs if it alternately gains oxygen atoms and loses hydrogen atoms. 

Methane is oxidized to methanol, then to methanal, then to methanoic 

acid, and finally to carbon dioxide. The same sequence of oxidations 

occurs for other alkanes. Each series consists of an alkane, alcohol, alde¬ 

hyde (or ketone), carboxylic acid, and carbon dioxide. The carbon dioxide 

is most oxidized or least reduced, and the alkane is least oxidized or most 

reduced. 

H 
I 

H-C-H 

gain of 
oxygen 

oxidation 

OH 
I 

H-C-H 

loss of 
hydrogen 

oxidation 

0 
II 

H-C-H 

gain of 
oxygen 

oxidation 

o 
ll 

H-C-OH 

loss of 
hydrogen^ 

oxidation 
o=c=o 

H H 

Methane 
(most energetic 

molecule) 

Methanol Methanal Methanoic acid Carbon dioxide 
(methyl alcohol) (formaldehyde) (formic acid) (least energetic 

molecule) 

The more reduced a carbon compound is, the more energy it can 

release upon its complete oxidation to carbon dioxide. The oxidation of 

organic compounds is exothermic. The energy-releasing properties of oxi¬ 

dation reactions are extremely important for the production of energy in 

living systems. They also explain why the combustion of hydrocarbons such 

as methane is a good source of energy. Figure 23.18 shows how energy pro¬ 

duction by oxidation reactions is used in both living and nonliving systems. 

Primary alcohols can be oxidized to aldehydes, and secondary alcohols 

can be oxidized to ketones, as shown below. 

OH O OH O 

R — C—H R — C — H 
I —2H 

R.C.R r-c-R 
—2H 

H 

Secondary alcohol 

744 Chapter 23 

H 

Primary alcohol Aldehyde Ketone 



Tertiary alcohols, however, cannot be oxidized because there is no hydro¬ 

gen atom present on the carbon bearing the hydroxyl group. A comparison 

of the structure of primary, secondary, and tertiary alcohols follows. 

H H H H H H H CH3H 

H —C—C —C —OH H—C—C—C—H H—C—C—C 

H H H H OH H H OH H 

Primary alcohol Secondary alcohol Tertiary alcohol 

The primary alcohols methanol and ethanol can be oxidized to alde¬ 

hydes by warming them at about 50°C with acidified potassium dichro¬ 

mate (K2Cr207). In these reactions, methanol produces formaldehyde, and 

ethanol produces acetaldehyde. 

OH 

H—C—H 

H 

K2Cr207 

h2so4 

O 

H—C—H 

OH 

CH3—C — H 

H 

O 

K2Cr207 

H2S04 

II 
* CH3—C—H 

Methanol 

(methyl alcohol) 

(bp 65°C) 

Methanal 

(formaldehyde) 

(bp —21°C) 

Ethanol 

(ethyl alcohol) 

(bp 78°C) 

Ethanal 

(acetaldehyde) 

(bp 21°C) 

Preparing an aldehyde by this method is often a problem because alde¬ 

hydes are easily oxidized further to carboxylic acids. 

O O 

K.Cr.O 1 
R —C —H > R —C —OH 

h2so4 

Aldehyde Carboxylic acid 

Oxidation of the secondary alcohol 2-propanol by warming it with 

acidified potassium dichromate produces acetone. 

OH O 

K,Cr,,07 
CHo — C — CH-, ■ ■» CH, — C — CH3 

3 I 3 h2so4 3 3 

H 

2-Propanol Propanone 

(isopropyl alcohol) (acetone) 

Unlike aldehydes, ketones are resistant to further oxidation, so there is no 

need to remove them from the reaction mixture during the reaction. 

Tests for aldehydes make use of the ease with which these compounds 

are oxidized. Benedict’s and Fehling’s reagents are deep-blue alkaline solu¬ 

tions of copper(II) sulfate. Figure 23.19 illustrates Fehling’s test for an alde¬ 

hyde. When an aldehyde is oxidized with Benedict’s or Fehling’s reagent, a 

red precipitate of copper(I) oxide (Cu20) is formed. The aldehyde is oxidized 

to its acid, and copper(II) ions (Cu2+) are reduced to copper(I) ions (Cu+). 

C 
Go inline 

—<m>sc/n iINKS 
For: Links on Oxidation 

and Reduction 

Visit: www.SciLinks.org 

Web Code: cdn-1233 

Figure 23.19 When an aldehyde 

is mixed with Fehling's reagent 

(left test tube) and heated, the 

blue copper(ll) ions in Fehling's 

reagent are reduced to form 

Cu20, a red precipitate (right test 

tube). Inferring What is the oxi¬ 
dation state of copper in the 
product? 
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Testing for an Aldehyde 

Procedure Purpose 
To distinguish an aldehyde 

from an alcohol ora ketone 

using Tollens's reagent. 

Materials 
1/Vf sodium hydroxide 

5% silver nitrate 

6M aqueous ammonia 

4 small test tubes 

test tube rack 

plastic droppers 

glucose solution 

propanone 

ethanol 

Add 1 drop of 1/W sodium hydroxide to 

2 mL of 5% silver nitrate in a test tube. 

Add 6M agueous ammonia drop by 

drop, gently agitating the tube after 

each addition until the brownish pre¬ 

cipitate dissolves.This will be your Tol¬ 

lens's reagent. 

2. Place 10 drops of Tollens's reagent in 

each of three clean, labeled test tubes. 

3. To test tube 1,add 2 drops of glucose 

solution.To test tube 2, add 2 drops of 

propanone.To test tube 3, add 2 drops 

of ethanol. Gently agitate each test 

tube to mix the contents. 

Analyze and Conclude 

1. What evidence of a chemical reaction 

did you observe in test tube 1 ? In test 

tube 2? In test tube 3? 
4. Observe the test tubes, leaving them 

undisturbed for at least 5 minutes. 
2. Write the equation for any chemical 

reaction you observed. 

3. If you observed a chemical reaction in 

one or more of the test tubes, what 

practical uses might the reaction 

have? ) 
23.3 Section Assessment 

13. Key Concept Describe the structure of the 

carbonyl groups that are characteristic of 

aldehydes and ketones. 

14. Key Concept What is the general formula for 

a carboxylic acid? 

15. Key Concept What is the general structure of 

an ester? 

16. Key Concept Explain why dehydrogenation is 

an oxidation reaction. 

17. What products are expected when the following 

compounds are oxidized? 

OH OH 

a. CH3CH2CCH3 b. CH3CH2CHCH3 

CH3 

18. Give the IUPAC name for the aldehyde and the 

ketone. 
O 

a. CH3CH2CHO b. CH3CH2CH2CCH2CH3 

Connecting Concepts 

Acids Review inorganic acids in Chapter 19. Write a 
paragraph comparing the properties of inorganic 

acids with those of carboxylic acids. Are carboxylic 
acids weak or strong acids? Explain. 

Textbook 

Assessment 23.3 Check your 
understanding of the important 
ideas and concepts in Section 23.3. 

__with ChemASAP 
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23.4 Polymerization 

Connecting to Your World c . , , * r 
17 Snap beads are a favorite toy for 

toddlers.These colorful plastic shapes of many different colors can be 

snapped together end-to-end to form chains of different lengths.They 

can also be snapped together to form loops of various sizes. Chemical 

compounds called monomers and polymers 

resemble snap beads. Monomers are 

like individual snap beads. When mono¬ 

mers are joined end-to-end to other 

monomers they form long chains 

called polymers. In this section, you 

will learn about some characteristics 

of monomers and polymers. 

Addition Polymers 
Most of the reactions that you have learned about so far involve reactants 

and products of low molar mass. Some of the most important organic com¬ 

pounds that exist, however, are giant molecules called polymers. Each day, 

you see many different polymers. For example, the materials you know as 

plastics are polymers. The kinds and uses of plastics are numerous indeed! 

A polymer is a large molecule formed by the covalent bonding of 

repeating smaller molecules. The smaller molecules that combine to form 

a polymer are called monomers. Some polymers contain only one type of 

monomer. Others contain two or more types of monomers. The reaction 

that joins monomers to form a polymer is called polymerization. Most 

polymerization reactions require a catalyst. 

An addition polymer forms when unsaturated monomers react to 

Guide for Reading 

Key Concepts 
• How does an addition polymer 

form? 
• How are condensation 

polymers formed? 

Vocabulary 
polymer 

monomers 

Reading Strategy 
Predicting In your notebook, 
write a prediction about how 
polymers are formed. As you 
read the section, correct your 
prediction, if necessary. After you 
finish the section, write a short 
summary of the two main ways 
polymers are formed. 

Figure 23.20 Polyethylene is 
used for many familiar household 

items, including plastic bottles, 
bags, and food containers. 

form a polymer. Ethene undergoes addition polymerization. The ethene mol¬ 

ecules bond to one another to form the long-chain polymer polyethylene. 

x is number 

of ethylene 

units that 

combine 

to form a 

long chain. 

H\ r/H 
' /c=c\ 
H H 

Ethene 

(ethylene) 

> H~(-CH2— CH2-)jH xisnumber 

of repeating 

— CH2— ch2— 
Polyethylene units in polymer; 

parentheses 

identify the 

repeating unit. 

Polyethylene, which is chemically resistant and easy to clean, is 

an important industrial product. It is used to make familiar 

items such as the plastic products pictured in Figure 23.20. 
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The physical properties of polyethylene can be controlled by shortening or 

lengthening the carbon chains. Polyethylene that contains relatively short 

chains (x = 100) has the consistency of paraffin wax. Polyethylene with 

long chains (x = 1000) is harder and more rigid. 

Polymers of substituted ethenes also are useful. Polypropylene is pre¬ 

pared by the polymerization of propene. 

ch3 ch3 

xCH2 = CH -> -f CH2 — CH% 

Propene Polypropylene 

(propylene) 

Polypropylene, a stiffer polymer than polyethylene, is used extensively in 

utensils and containers, as well as items such as the whistle shown in 

Figure 23.21a. Polystyrene is prepared by the polymerization of styrene. 

Polystyrene, in the form of a rigid foam, is a poor heat conductor, which 

makes it useful for insulating homes and for manufacturing molded items 

such as coffee cups and picnic coolers. 

Styrene Polystyrene 
(vinyl benzene) 

Many halocarbon polymers, including polyvinyl chloride (PVC), have 

useful properties. Vinyl chloride is the monomer of polyvinyl chloride. 

Cl Cl 

xCH2 = CH -^-(-CH2 — CH-)^ 

Chloroethene Polyvinyl chloride 

(vinyl chloride) (PVC) 

Polyvinyl chloride (PVC) is used for the plumbing pipes shown in 

Figure 23.21b. It is also produced in sheets, sometimes with a fabric back¬ 

ing, for use as a tough plastic upholstery covering. 

Figure 23.21 These common 
polymers are used for various 

applications. O Polypropylene is 
used in the manufacture of a 
variety of items, such as this 
whistle. © Polyvinyl chloride is 

used for pipes in plumbing. 
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Figure 23.22 PTFE is used to 

coat cookware and to insulate 

wires, cables, motors, and 
generators. It also is suspended in 

motor oils as a friction-reducing 
agent. 

Polytetrafluoroethene (Teflon™ or PTFE) is the product of the polymeriza¬ 

tion of tetrafluoroethene monomers. PTFE is very resistant to heat and 

chemical corrosion. You are probably familiar with this polymer as a coat¬ 

ing on the nonstick cookware shown in Figure 23.22. Because PTFE is very 

durable and slick, it is formed into bearings and bushings used in chemical 

reactors. 

xCF2 = CF2 —-> -f CF2 — CF2^ 

Tetrafluoroethene Teflon (PTFE) 

Polyisoprene, harvested from tropical plants such as the rubber tree shown 

in Figure 23.23, is the polymer that constitutes natural rubber. It is used to 

make tires, rubber bands, soles of athletic shoes, and many other common 

items. 

+CH\ ch2^ 
> c=c 

ch3 h 

Polyisoprene 

xCH2 = CCH = CH2 

ch3 

Isoprene 

(^Checkpoint) What is polyisoprene? 

Figure 23.23 Rubber is harvested 

from tropical plants and is used in 
a variety of products. 
Interpreting Photographs 
What is the source of natural 

polyisoprene? 
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Condensation Polymers 
Condensation polymers are formed by the head-to-tail joining of mono¬ 

mer units. This is usually accompanied by the formation of water as a reac¬ 

tion product, thus the name condensation polymers. The formation of a 

polyester is an example of condensation polymerization. Polyesters are 

polymers that consist of many repeating units of dicarboxylic acids and 

dihydroxy alcohols joined by ester bonds. The formation of a polyester can 

be represented by a block diagram, which shows only the functional groups 

involved in the polymerization reaction. The squares and circles represent 

unreactive parts of the organic molecules. 

Condensation polymerization requires that there be two functional 

groups on each monomer molecule. 

Dicarboxylic acid Dihydroxy alcohol Representative polymer unit of a polyester 

+ 2x1^0 

The polyester polyethylene terephthalate (PET) is formed from tere- 

phthalic acid and ethylene glycol. 

Terephthalic acid 

— OH + HO —CH2CH2 —OH 

Ethylene glycol 

O 

C — O — CH2CH2 — O - 5 + 2xH20 

Representative polymer unit of 
polyethylene terephthalate (PET) 

PET fibers form when the compound is melted and forced through tiny 

holes in devices called spinnerettes. The fibers, sold as Dacron™, Fortrel®, 

or Terylene (depending on the manufacturer), are used for tire cord and 

permanent-press clothing. Figure 23.24 shows how woven Dacron tubing 

is used to replace major blood vessels. PET fibers are often blended with 

cotton to make clothes that are more comfortable on hot, humid days than 

those containing 100% polymer. These clothes retain the wrinkle resis¬ 

tance of 100% polyester. PET melts may also be forced through a narrow 

slit to produce sheets of Mylar™, a polymer used extensively as magnetic 

tape for tape recorders and computers. 

(^Checkpoint) How are PET fibers made? 

Figure 23.24 Woven Dacron (PET 
fibers) tubing can be used to 
replace major blood vessels. 

O The blood vessel replacement 
before surgery. © The blood 
vessel after surgery. 

Applying Concepts What 

properties of Dacron make it 
useful for this purpose? 
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Many important polymers are formed by the reaction of carboxylic 

acids and amines. The amines used to make polymers generally contain 

the amino functional group —NH2. The condensation of a carboxylic acid 

and an amine produces an amide. 

O H OH 

R— C — OH + H —N—R -> R —C —N —R + HO — H 

Carboxylic acid Amine Amide Water 

Polyamides are polymers in which the carboxylic acid and amine 

monomer units are linked by amide bonds. The many types of nylon are 

polyamides. You are probably familiar with a range of nylon products; 

more nylon products are shown in Figure 23.25. Nylon polymer has a 

molar mass of about 1 X 104 g/mol and a melting point of 250°C. The rep¬ 

resentative polymer unit of nylon is derived from 6-aminohexanoic acid, a 

compound that contains both carboxyl and amino functional groups. The 

long polymer chain is formed by the successive attachment of the carboxyl 

group of one molecule of the monomer to the amino group of the next 

monomer by the formation of an amide bond. 

O 
II 

xH2N—CH2 -F CH2di C - OH 

6-Aminohexanoic acid 

heat 

O H 

CH,-FCH?-hC-N-7 + xHnO 

Representative polymer 
unit of nylon 

The melted polymer can be spun into very fine, yet very strong, fibers. 

Nylon fibers are used for carpeting, tire cord, fishing lines, sheer hosiery, 

and textiles. Nylon is also molded into gears, bearings, and zippers. 

(^Checkpoint) What are polyamides? 
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Polyamides that contain aromatic rings are extremely tough and flame 

resistant. The aromatic rings make the resulting fiber stiffer and tougher. 

Nomex™ is a polyamide with a carbon skeleton consisting of aromatic rings 

derived from isophthalic acid and m-phenylenediamine. 

Isophthalic acid m-Phenylenediamine Representative unit of Nomex 

Like nylon, Nomex is a poor conductor of electricity. Because it is more rigid 

than nylon, it is used to make parts for electrical fixtures. Nomex is also used 

in the manufacture of flame-resistant clothing for race-car drivers and fire¬ 

fighters and in the fabrication of flame-resistant building materials. 

Kevlar™ has a structure similar to that of Nomex. It is a polyamide 

made from terephthalic acid and p-phenylenediamine. 

Terephthalic acid p-Phenylenediamine Representative unit of Kevlar 

Figure 23.26 Bulletproof vests 
are made of Kevlar. 

Kevlar is used extensively where strength and flame 

resistance are needed. A properly constructed vest 

made of Kevlar, shown in Figure 23.26, is strong 

enough to stop high-speed bullets, yet is light and 

flexible enough to be worn under normal clothing. 

Proteins, which are polyamides of naturally 

occurring amino acids, rank among the most impor¬ 

tant of all biological molecules. You will learn about 

these essential polymers in more detail in Chapter 24. 

23.4 Section Assessment 

19. Key Concept Describe how addition polymers 

form. 

20. Key Concept Describe how condensation 

polymers form. 

21. What is a polymer? A monomer? 

22. Give names and uses for three types of polymers. 

23. How is water involved in the formation of conden¬ 

sation polymers? 

24. What is formed when a carboxylic acid and an 

amine combine? Give an example of the type of 

polymer that is formed by this reaction. 

25. What structure must a monomer have if it is to 

undergo addition polymerization? 

Writing Activity 

Write an Analogy Analogies are often used to help 
explain concepts. Write an analogy that you can use 

to describe to a middle-school student how a poly¬ 
mer is constructed from monomers. Use diagrams as 

well as words to describe your analogy. 

9 

Assessment 23.4 Check your 
understanding of the important 
ideas and concepts in Section 23.4. 

._with ChemASAP 
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Small-Scale 
LAB 

Polymers 

Purpose 
To cross-link some polymers and examine their properties. 

Materials 
• 3 i-oz plastic cup 

• soda straw 

• powdered guar gum 

• plastic spoon 

• 4% borax solution 

• pipet 

Procedure Ig??1 ISI is □ 
1. Half fill a 3 5-0Z cup with water. 

2. Use a soda straw as a measuring scoop to obtain 

approximately 2 cm of powdered guar gum. Caution: 

Do not use your mouth to draw up the guar gum into the 

straw. Gently sprinkle the guar gum powder into the 

water while stirring with a plastic spoon. Add the guar 

gum powder slowly to prevent it from clumping. Stir 

the mixture well. 

3. While stirring, add one full pipet (about 4 mL) of borax 

solution. Continue to stir until a change occurs. 

Analyze 
Using your experimental data, record the answers to the 

following questions below your observations. 

1. Describe the polymer you just made. Is it a liquid or a 

solid? What special characteristics does it have? 

2. Guar gum is a carbohydrate, a polymer with many 

repeating alcohol functional groups (—OH). Draw a 

zigzag line to represent a crude polymer chain. 

3. Add —OH groups along the chain to represent the 

alcohol functional groups. 

4. Borate ions combine with alcohol to form water and 

borate complexes of the alcohol. 

HO OH HO OH 
\ / \ / 

B + R-OH - ->• B 
/ \ / \ 

"0 OH 0 OR 

Write a similar equation that replaces all of the—OH 

groups on the borate with —OR groups. 

5. If two polymer chains each contain two nearby—OH 

groups, borate will cross-link the polymer chains by 

forming a complex with two alcohols on each chain. 

Draw a structure similar to the one you drew for 

Question 4, but replace your four R groups with two 

polymer chains. 

You're the Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Design It! Try using borax to cross-link other common 

carbohydrate polymers, such as cornstarch or liquid 

laundry starch. For each polymer, half fill a 3 5-oz cup 

with the chosen carbohydrate polymer and add 

enough water to bring the liquid to within about 1 cm 

of the rim. Stir carefully and thoroughly. Add one full 

pipet (about 4 mL) of borax solution while stirring. 

Describe the similarities and differences between this 

cross-linked polymer and the polymer you made previ¬ 

ously. Compare the properties of these polymers. 

2. Analyze It! Cut a 1 cm X 15 cm strip of paper. Use a 

drop of glue or a stapler to fasten one end of the paper 

strip to the other end to form a ring. Now cut out some 

identical-sized strips of paper, and glue or staple them 

together into an interlocking chain of paper rings. 

Explain how this chain is like a polymer. Make another 

paper ring that cross-links your chain to one of your 

classmates'chains. Explain how these linked chains are 

like cross-linked polymers. 

ammuatt. 1. «• «rn«l»i<nrimi»wii» i umma. 
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Technology & Society 

Organic Dyes 

Organic dyes are made from plants or insects and 

generally produce colors that are soft and natural. 

Using organic dyes requires two steps: extracting 

the dyestuff, and fixing the dye to a surface or 

material.The earliest recorded use of organic dyes 

to color fabrics dates from 2600 B.C. in China. 

Dying fabric Long lengths of fabric are 

bathed in large vats of dye before being 
wound into bolts and sold. 

Interpreting Photographs What plant yields a dye 

that produces salmon pinks to deep reds? 

The ground root of the madder 

plant (Rubia tinctoria) yields a dye 

that produces colors from salmon 

pink to deep red.The red coats 

worn by British soldiers during the 

Revolutionary War were colored 

by a dye made from madder root. 

Tiny cochineal insects 

(Dactylopius coccus) live 
in dusty, white clusters 

on prickly pear cacti. 

Dried and ground bodies 

of the female yield a dye 
that produces colors 

from pink to purple. 
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The shredded wood and root 

bark of the Osage orange tree 

(.Madura pomifera) yield a dye 

that can produce colors ranging 

from yellow to tan to green. 

During World War I, dye from 

Osage orange was used to color 

U.S. uniforms khaki. 

The wood of the smoke tree 

(Cotinus coggygria) yields fustic, 

which produces colors from 
yellow to gold to orange. 

Made from the indigo plant 

(.Indigofera tinctoria), indigo 

dye produces a wide variety 

of blues from pale sky blue 

to dark navy. 
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Study Guide 

Key Concepts 

<T^ 23.1 Introduction to Functional Groups 

• Organic compounds can be classified 
according to their functional groups. 

• A halocarbon is a carbon-containing com¬ 
pound with a halogen substituent. 

• A halogen can replace a hydrogen atom on 
an alkane to produce a halocarbon. 

23.2 Alcohols and Ethers 

• Aliphatic alcohols can be arranged into 
structural categories according to the num¬ 
ber of R groups attached to the carbon with 
the hydroxyl group. 

• When using the IUPAC system to name 
continuous-chain and substituted alcohols, 
drop the - e ending of the parent alkane name 
and add the ending -ol. 

• Alcohols of up to four carbons are soluble in 
water in all proportions. The solubility of 
alcohols with four or more carbons in the 
chain is usually much lower. 

• Addition reactions of alkenes are an impor¬ 
tant method of introducing new functional 
groups into organic molecules. 

• The general structure of an ether is R—O—R. 
The alkyl groups attached to the ether link¬ 
age are named in alphabetical order and are 
followed by the word ether. 

23.3 Carbonyl Compounds 

• A carbonyl group, with the general structure 
C=0, is the functional group in aldehydes 
and ketones. 

• The general formula for a carboxylic acid is 
RCOOH. 

• Esters contain a carbonyl group and an ether 
link to the carbonyl carbon. The general 
formula for an ester is RCOOR. 

• Dehydrogenation is an oxidation reaction 
because the loss of each molecule of hydro¬ 
gen involves the loss of two electrons from 
the organic molecule. 

(fjs 23.4 Polymerization 

• An addition polymer forms when unsat¬ 
urated monomers react to form a polymer. 

• Condensation polymers are formed by the 
head-to-tail joining of monomer units. 

Vocabulary 

addition reaction (p. 733) 
alcohol (p. 730) 
aldehyde (p. 737) 
alkyl halide (p. 727) 
aryl halide (p. 727) 
carbonyl group (p. 737) 
carboxyl group (p. 740) 
carboxylic acid (p. 740) 

• dehydrogenation reaction 
(p. 743) 

• denatured alcohol (p. 733) 
• ester (p. 741) 
• ether (p. 735) 
• fatty acid (p. 740) 
• fermentation (p. 733) 
• functional group (p. 725) 

• halocarbon (p. 726) 
• hydration reaction (p. 734) 
• hydrogenation reaction (p. 734) 
• hydroxyl group (p. 730) 
• ketone (p. 737) 
• monomer (p. 747) 
• polymer (p. 747) 
• substitution reaction (p. 728) 

Organizing Information 

Use these terms to construct a concept 
map that organizes the major ideas of 
this chapter. 

@ 

Textbook 

Concept Map 23 Create 
your Concept Map using the 
computer. 

_with ChemASAP 
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CHAPTER 

23 Assessment 

Reviewing Content 

23.1 Introduction to Functional Groups 

26. What does R in the formula R—CH2C1 represent? 

27. Write a structural formula for each compound. 

a. 1,2,2-trichlorobutane 

b. 1,3,5-tribromobenzene 

c. 1,2-dichlorocyclohexane 

28. Name the following halocarbons. 

a. CH2=CHCH2C1 

CH3 Cl 

b. CH3CHCH2CHCH2C1 

29. Write structural formulas and give IUPAC names 

for all the isomers of the following compounds, 

a. C3H6C12 b. C4H9Br 

30. What organic products are formed in the follow¬ 

ing reactions? 

„ heat 
Br + NaOH -» __ + NaBr 

32. Write the structure for the expected product 

from each reaction. 

a. CH2=CHCH2CH3 + Br2-> 

b. CH3CH=CHCH3 + I2-> 

c. CH3CH=CHCH3 + H2-> 

33. Write structures and names of the products 

obtained upon addition of each of the following 

reagents to ethene. 

a. HBr b. Cl2 c. H20 d. H2 e. HC1 

34. Name the following ethers, 

a. CH3OCH2CH3 

c. CH2=CHOCH=CH2 

d. CH3CHOCHCH3 

ch3 ch3 

c. CH3CHC1 + NaOH -»_+ NaCl 

CH3 

23.2 Alcohols and Ethers 

31. Give the IUPAC names for the following 

alcohols. 

a. CH3—CH— CH3 

OH 

b. CH2—CH—CH3 

OH OH 

23.3 Carbonyl Compounds 

35. Name these aldehydes and ketones. 

O CH3 

a. CH3CCH3 b. CH3CHCH2CHO 

O 

f. ch3ch2cch2ch2ch3 

23.4 Polymerization 

36. Different samples of a polymer such as polyeth 

ylene can have different properties. Explain. 

37. Draw the structure of the repeating units in a 

polymer that has the following monomers. 

a. 1-butene b. 1,2-dichloroethene 
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CHAPTER 

23 Assessment continued 

Understanding Concepts 

38. Write a general structure for each type of com¬ 

pound. 

a. halocarbon b. ketone 

c. ester d. amide 

39. Place the following compounds in order from 

lowest boiling point to highest boiling point. 

Molar masses are given in parentheses. 

a. CH3CHO (44) b. CH3CH2OH (46) 

c. CH3CH2CH3 (44) 

40. Write the structure and name of the expected 

products for each reaction. 

a. CH3COOH + CH3OH 

b. CH3CH2CH2COOCH2CH3 + H20 

c. CH3CH2OH 
k2Cr207 

41. Explain why a carbon-carbon double bond is 

nonpolar, but a carbon-oxygen double bond is 

very polar. 

42. What are the products of each reaction? 

a. HCOOH + KOH-> 

b. CH3CH2COOH + NaOH-> 

c. CH3COOH + NaOH -—■> 

43. Classify each compound as an alcohol, a phenol, 

or an ether. 

d. | 

e. CH3CH2CHOH 

ch3 

44. Write the structural formulas for the products of 

these reactions. 

a. CH3CH2CH=CH2 + Cl2 —* 

b. CH3CH2CH=CH2 + Br2-> 

* 

45. For each compound pictured, identify the func¬ 

tional group and name the compound. The red 

atoms represent oxygen. 

46. Write the name and structure for the alcohol that 

must be oxidized to make each carbonyl com¬ 

pound. 

a. HCHO 

ch3 

c. CH3CHCHO 

47. Write the structures of the expected products for 

these reactions. 

a. CH3CH2COOCH2CH3 Na°H > 

HCl 
c. CH3CH2COOCH2CHCH3 -> 

ch3 
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Critical Thinking 

48. Complete the following reactions by writing the 

structures of the expected products and by nam¬ 

ing the reactants and products. 

TT/'-'l 

a- CH3COOCH3 + H20 -> 

b. CH3CH2CH2COOCH2CH2CH3 + H20 

c. HCOOCH2CH3 + H20 

49. Benzene is poisonous and a proven carcinogen. 

Yet many compounds containing benzene rings, 

such as benzaldehyde, are common in the foods 

you eat. Why are some organic compounds with 

phenyl groups safe to eat? 

50. Explain why diethyl ether is more soluble in 

water than dihexyl ether. Would you expect 

propane or diethyl ether to be more soluble in 

water? Why? 

51. Explain why 1 -butanol has a higher boiling point 

than diethyl ether. Which compound would you 

expect to be more soluble in water? Why? 

52. Propane (CH3CH2CH3) and acetaldehyde 

(CH3CHO) have the same molar mass, but pro¬ 

pane boils at -42°C and acetaldehyde boils at 

21°C. Account for this difference. 

53. How would you expect the water solubility of 

ethanoic and decanoic acids to compare? 

54. The processes used to synthesize many organic 

compounds often use compounds that contain 

double or triple bonds as reactants. Explain why 

the use of unsaturated reactants might be an 

advantage over using saturated reactants. 

55. Cadaverine (1,5-diaminopentane) and 

putrescine (1,4-diaminobutane) are unpleasant¬ 

smelling compounds that are formed by bacteria 

in rotting flesh. Draw their structures. What class 

of organic compounds are these two chemicals? 

56. For the following compounds write a chemical 

equation showing how to produce the com¬ 

pound. 

Concept Challenge 

57. Cholesterol is a compound in your diet and is 

also synthesized in the liver. Sometimes it is 

deposited on the inner walls of blood vessels, 

causing hardening of the arteries. Describe the 

structural features and functional groups of this 

important molecule. 

CH3 ch3 

I I 

58. Hydrocarbons from petroleum are an important 

source of raw material for the chemical industry. 

Using reactions covered in this chapter and any 

required inorganic chemicals, propose a scheme 

for the manufacture of ethylene glycol, a major 

component of antifreeze, from petrochemical 

ethene. 

59. Human hair is composed of long-chain poly¬ 

mers. Some of the monomers in these polymers 

contain sulfur atoms. When two sulfur atoms are 

adjacent to one another, they form strong, cova¬ 

lent disulfide (S—S) bonds that can link two 

polymer molecules together. The location of the 

cross links between the hair polymers affects 

how curly or straight the hair is and helps to hold 

the polymers in their shape. Waving lotion that 

is used in permanent waves is a reducing agent, 

and neutralizing agent is an oxidizing agent. 

Using this information, explain in terms of 

chemistry how a permanent wave can change 

the shape of hair. Describe what chemical steps 

should be taken to change the shape of some¬ 

one’s hair from straight to curly. 

60. Which of the following monomers would be 

used to produce the addition polymer 4 CF24X: 

CH2=CF2, CH2=CHF, CF4, CF2=CF2, or 

CHF=CHF? 
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Assessment continued 

Cumulative Review 

61. What is the maximum number of orbitals in the 

p sublevel of an atom? (Chapter 5) 

a. 1 b. 3 c. 5 d. 9 

62. Using electron dot structures, illustrate the for¬ 

mation of F- from a fluorine atom and a hydrox¬ 

ide ion from atoms of hydrogen and oxygen. 

(Chapter 7) 

63. Calculate the mass, in grams, of one liter of S02 

at standard temperature and pressure. 

(Chapter 12) 

64. A sample of 1.40 L of nitrogen gas in a sealed 

container at 25.0°C and a pressure of 

1.00 X 102 kPa is heated to 68.7°C. What is the 

new pressure? {Chapter 14) 

65. Sodium carbonate is often sold as the anhy¬ 

drous compound [Na2C03(s)] or as the decahy- 

drate [Na2CO3-10H2O(s)]. If the price per 

kilogram of the anhydrous and decahydrate 

forms are the same, which compound is the 

better value? {Chapter 15) 

66. Assume that water enters a power plant at 20°C 

and leaves at 30°C. Will the amount of dissolved 

oxygen in the water be greater entering or leav¬ 

ing the plant? {Chapter 16) 

67. A solution is made by diluting 250 mL of 0.210M 

Ca(N03)2 solution with water to a final volume of 

450 mL. Calculate die molarity of Ca(N03)2 in 

the diluted solution. {Chapter 16) 

68. In a saturated solution containing undissolved 

solute, the solute is continually dissolving, but 

the solution concentration remains constant. 

Explain. {Chapter 16) 

69. A 500-g aluminum tray at 22°C is heated to 

180°C in an oven. How many kj of heat does the 

pan absorb if the specific heat of aluminum is 

0.90 J/(g-°C)? {Chapter 17) 

70. Predict the direction of shift in the equilibrium 

position for each change in conditions. 

{Chapter 18) 

2N02{g)5=±2N0{g) + O 2{g) 

a. 02 partial pressure decreased 

b. total pressure increased 

c. 02 partial pressure increased 

d. NO partial pressure increased 

71. List these IQ values for weak acids in order of 

increasing acid strength. {Chapter 19) 

a. 3.5 X 1CT6 

b. 2.7 X 1(T3 

c. 1.5 X 1CT5 

d. 6.6 X 1(T5 

72. Assign an oxidation number to each atom in 

these compounds. {Chapter 20) 

a. NaN02 

b. CoS04 

c. Se02 

d. Zn(OH)2 

e. K2PtCl4 

73. Solid sodium borohydride (NaBH4) is being 

studied as a possible source of hydrogen fuel for 

hydrogen-powered vehicles. The borohydride 

reacts with water to produce hydrogen gas and 

sodium metaborate. Identify which atoms of 

the reactants are oxidized, which are reduced, 

and which are unaffected in this reaction. 

{Chapter 20) 

NaBH4(s) + 2H20(7)-* 4H2(g) + NaB02(a^) 

74. What is the source of the electrical energy pro¬ 

duced in a voltaic cell? {Chapter 21) 

75. At which electrode in an electrolytic cell does 

reduction always occur? What is the charge on 

this electrode? (Chapter 21) 

76. Draw a condensed structural formula for each 

compound. {Chapter 22) 

a. 1,2-dimethylcyclobutane 

b. 2-methyl-2-pentene 

c. 2-butene 

d. 2-pentyne 

77. Is petroleum or coal most likely to be a good 

source of aromatic compounds? {Chapter 22) 

78. Which of these statements applies to ethene? 

{Chapter 22) 

a. saturated hydrocarbon 

b. H—C—H bond angle of 120° 

c. alkene 

d. aromatic compound 
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Standardized Test Prep 

Test-Taking Tip 

Eliminate Wrong Answers If you don't know 

which response is correct, start by eliminating 

those you know are wrong. If you can rule out some 

choices, you'll have fewer left to consider and you'll 

increase your chances of choosing the correct 

answer. 

Select the choice that best answers each question or 

completes each statement. 

1. The acid-catalyzed hydrolysis of an ester gives a 

carboxylic acid and 

a. an amine. b. an ether, 

c. an alcohol. d. an alkene. 

2. Ethane, methanal, and methanol have similar 

molar masses. Which series lists the compounds 

in order of increasing boiling point? 

a. ethane, methanal, methanol 

b. methanal, methanol, ethane 

c. methanol, methanal, ethane 

d. ethane, methanol, methanal 

3. A carbonyl group is characterized by a 

a. carbon-carbon double bond. 

b. carbon-oxygen double bond. 

c. carbon-nitrogen single bond. 

d. carbon-oxygen single bond. 

The lettered choices below refer to Questions 4-7. A 

lettered choice may be used once, more than once, or 

not at all. 

(A) alcohol (D) ether 

CB) ketone (E) aldehyde 

(C) carboxylic acid 

To which class of organic compounds does each of 

the following compounds belong? 

4. CH3CH2COOH 5. CH3CH2CH2OH 

6. CH3CH2OCH3 7. CH3COCH3 

Use the space-filling models with Questions 8 and 9. 

8. Using models a, b, and c as guides, draw ball- 

and-stick models of the three compounds that 

have the formula C3H80. Name each compound. 

9. There are two compounds with a carbonyl group 

that have the molecular formula C3H60. Write a 

complete structural formula and draw a ball- 

and-stick model for each compound. Name 

each compound. 

Characterize the reactions in Questions 10-14 as 

addition, esterification, oxidation, polymerization, 

or substitution reactions. 

10. CH.CHO -k ( r-(> ► CHXOOH 
3 h2S04 * 1 2 3 

11. CH2=CH2 + HC1-► CH3CH2Cl 

12. CH3C02H + CH3CH2OH —--► 

CH3COOCH2CH3 + h2o 

13. xCH2 = CH2-► H-fCH2 — CH2^H 

r^YBr 
+ HBr 

For each question there are two statements. Decide whether each statement 

is true or false. Then decide whether Statement II is a correct explanation for 

Statement I. 

Statement I Statement II 

15. The addition of hydrogen to an alkene is a 

reduction reaction. 

16. Aldehydes are easily oxidized. 

17. Ethanol (CH3CH2OH) is immiscible in water in 

all proportions. 

18. The hydrogenation of benzene is easier than 

the hydrogenation of ethene. 

BECAUSE 

BECAUSE 

BECAUSE 

BECAUSE 

The addition of hydrogen to any molecule 

is a reduction reaction. 

Oxidation of aldehydes produces alcohols. 

Ethanol molecules can form hydrogen 

bonds with other ethanol molecules. 

The benzene ring is stabilized by resonance. 
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CHAPTER 

m 

All organisms, 

including you and 

your classmates, are 

made of the same a 

types of molecules 

carbohydrates, 

proteins, lipids, and 

nucleic acids. 

Activity INQUIRY 

Biological Catalysts 

Materials 
2 small pieces of red meat, such as ground beef, one 

raw and one cooked; 2 paper plates; small amount of 

3% hydrogen peroxide; dropper 

2. Observe the samples for about five minutes. 

Jr Procedure @ |jj| ^ Q 

1. Place the two meat samples on separate plates. 

Both samples should be at room temperature. Add 

a few drops of hydrogen peroxide solution to the 

raw and the cooked meat samples. CAUTION 

Never taste any chemical used in the laboratory, 

including food products. 

Think About It 

1. Do you observe any difference in the appearance 

of the hydrogen peroxide placed on the raw meat 

and on the cooked meat? 

2. What do you think causes the difference in the 

appearance of the hydrogen peroxide on the raw 

and cooked meats? 

3. What can you conclude from this experiment? 
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24.1 A Strategy for Life 

Connecting to Your World Theakyoubleatbeiscompoietl 
mainly of nitrogen (N2) and oxygen (02). Earth's early atmosphere may 

have been very different and most inhospitable to life. It is thought that 

the atmosphere changed over time as a result 

of photosynthesis, a process carried out 

by green organisms such as these cyano¬ 

bacteria. One of the products of photo¬ 

synthesis is oxygen, which accumulated 

in the atmosphere and changed the 

composition of air. In this section, you 

will learn about the characteristics of 

living things, including the organisms in 

which photosynthesis occurs. 

The Structure of Cells 
Life! You are certainly familiar with it, but what does it really mean? Until 

recently, life was defined as the ability of an organism to grow and to repro¬ 

duce its own kind. However, recent discoveries made at the fringes of life 

seem to blur this simple definition. As difficult as it is to define life, you can 

generally regard tiny structures called cells as the fundamental units of life. 

You will learn about the construction of cells and the chemical processes 

that cells undergo to obtain the energy they need to survive. 

Organisms are composed of as few as one cell or as many as billions of 

cells. Two major cell types occur in nature: the cells of bacteria, known as 

prokaryotic cells, and the cells of all other organisms, known as eukaryotic 

cells. The prokaryotic cell is the more ancient of the two. Microscopic 

examination of fossilized remains shows that prokaryotic cells were 

present on Earth at least 3 billion years ago. Eukaryotic cells did not appear 

until about 1 billion years ago. Figure 24.1 shows both types of cells. 

Guide for Reading 

Key Concepts 
• What are the two major types 

of cells that occur in nature? 

• What compound is reduced 

during photosynthesis? What 

compounds are formed? 

Vocabulary 
photosynthesis 

Reading Strategy 
Relating Text and Visuals As 

you read, look carefully at Figure 

24.3. In your notebook, explain 

how this illustration helps you 

understand the relationship 

between photosynthesis and the 

carbon compounds used by all 

organisms. 

Figure 24.1 Typical prokaryotic 

and eukaryotic cells are shown 
here. Note that only the 
eukaryotic cell has a nucleus. 
Comparing and Contrasting 
How do prokaryotic and eukary¬ 
otic cells compare in size? 

Chromosome Cell membrane 

Cell membrane 

Lysosome 

Nucleus 

Endoplasmic reticulum 

Mitochondrion 

Prokaryotic cell 
1.0 to 10.0 micrometers firm) ■ 

Eukaryotic cell 
10.0 to 100.0 micrometers (/urn) ■ 
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Both eukaryotic and prokaryotic cells contain all the chemicals neces¬ 

sary for life, encased in a cell membrane. The cell membrane is a sack that 

holds the contents of a cell and acts as a selective barrier for the passage of 

substances into and out of the cell. Eukaryotic cells are considerably larger 

and more complex than prokaryotic cells, but the chemical processes car¬ 

ried out by both types of cells are very similar. 

One major feature that distinguishes eukaryotic cells from prokaryotic 

cells is the presence of membrane-enclosed organelles. Organelles, mean¬ 

ing little organs, are small structures suspended in the interior cellular 

fluid, or cytoplasm. The organelles are the sites of many specialized func¬ 

tions in eukaryotic cells. The nucleus, a structure that is important in 

eukaryotic cell reproduction, is not present in prokaryotic cells. Mitochon¬ 

dria (singular: mitochondrion) are the source of cellular energy in eukary¬ 

otic cells that use oxygen. Mitochondria are often referred to as the 

powerhouses of the cell. Lysosomes are the sites for the digestion of sub¬ 

stances taken into a cell. Yet another membrane-enclosed structure in 

eukaryotic cells is the highly folded, netlike endoplasmic reticulum (ER). 

Among its various functions, the ER serves as an attachment site for ribo¬ 

somes. The ribosomes, small organelles that are not membrane-enclosed, 

are the sites where essential substances called proteins are made. 

(^Checkpoint) Which organelle is involved in cell reproduction? 

r 
^ Textbook 

Animation 29 Explore 
the complexity of chemicals 
essential to all life. 

»_withCHemASAP 

The Energy and Carbon Cycle 
Organisms must have energy to survive. The ultimate source of this energy 

is the sun. Cells of green plants and certain algae contain organelles called 

chloroplasts that are able to capture solar energy and make food. Figure 

24.2 shows a chloroplast from the cell of a corn leaf. Within the chloroplast 

is a light-capturing system that converts light energy into chemical energy 

by a process called photosynthesis. In addition to sunlight, photosynthetic 

organisms require carbon dioxide and water. Photosynthesis uses the 

energy from sunlight to reduce carbon dioxide to compounds that contain 

C—H bonds, mainly in the form of glucose (C6H1206).The following equation 

describes the process. 

6C02 + 

Carbon dioxide 

(carbon in more 

oxidized state) 

6H20 + Energy-* C6H1206 + 602 

Water from Glucose Oxygen 

sunlight (carbon in more 

reduced state) 

Figure 24.2 The reactions of 
photosynthesis take place on 

the inner membranes and in 
the spaces between membranes 

of a chloroplast. 

Figure 24.3 illustrates the relationship between photosynthesis and the 

carbon compounds used by all organisms. In the energy and carbon cycle, 

photosynthetic organisms produce necessary carbon compounds. Ani¬ 

mals, which do not carry out photosynthesis, get these carbon compounds 

by eating plants or by eating animals that feed on plants. Both plants and 

animals get energy by unleashing the energy stored in the chemical bonds 

of these carbon compounds. The nutrients are oxidized back to carbon 

dioxide and water in the process. 

^6^12^6 + 602 - —^ 6C02 + 6H20 + Energy 

Glucose Oxygen Carbon dioxide Water 

(carbon in more (carbon in more 
reduced state) oxidized state) 
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Atmospheric C02 
(oxidized carbon) 

i_i ici y y 

from 
sunlight 

Water ■ 
(H2°) if 
t jW? Photosynthesis 

Oxygen 
(02) 

Glucose 
(reduced carbon) 

Oxygen 
(02) 

Oxidation of glucose and 
other carbon compounds 

by plants and animals 

Thus, although plant life could survive without animals, animal life 

could never survive without plants. Without photosynthesis, the supply of 

carbon compounds that animals need to get energy would not exist. 

Oxygen also is an important product of photosynthesis. Photosynthetic 

organisms produce the oxygen found in Earth’s atmosphere. The oxygen is 

required for most organisms to sustain life. The importance of photosyn¬ 

thetic organisms in producing carbon compounds and oxygen is a major 

reason for the concern about the loss of such organisms through the 

destruction of rain forests. 

All biological processes, including photosynthesis, are based on certain 

essential kinds of chemical substances. Surprisingly, the great complexity 

of life arises from just a few types of biological molecules. In the remainder 

of this chapter, you will learn about the molecular structures of the great 

classes of biological molecules and the roles they play in the body. 

Figure 24.3 In the energy and 
carbon cycle, photosynthesis 
and the oxidation of glucose 

are responsible for the major 
transformations and movements 
of carbon. Plants, such as rain 

forest trees, release oxygen 
into the atmosphere through 

photosynthesis. Interpreting 
Diagrams In which part of the 
cycle is oxygen released? 

24.1 Section Assessment 

1. O Key Concept What two types of cells occur in 

nature? 

2. Key Concept What chemical changes occur 

during photosynthesis? 

3. What are the fundamental units of life? 

4. Describe the structure of a eukaryotic cell. 

5. What is the function of chloroplasts in green 

plants and algae? 

6. Write an equation that describes the oxidation of 

glucose. 

7. Explain how carbon moves through the environ¬ 

ment. 

Handbook 

Greenhouse Gases Read the feature on green¬ 
house gases on page R22. Describe how the energy 
and carbon cycle normally keeps atmospheric C02 

levels balanced. What factors have disrupted this 
balance and caused atmospheric C02 levels to rise? 

@ 

’’^Textbook" 

Assessment 24.1 Test yourself 
on the concepts in Section 24.1. 

. with ChemASAP 
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Carbohydrates 

Guide for Reading 

Key Concepts 
• Where is glucose found 

abundantly in nature? 

• How can the cyclic forms of two 

simple sugars be linked? 

Vocabulary 
carbohydrates 

monosaccharides 

disaccharide 

polysaccharides 

Reading Strategy 

Connecting to Your World Thjs cicada b molting_ 
shedding its old exoskeleton and forming a new one. An exoskeleton 

is the hard protective covering of insects, lob¬ 

sters, and other arthropods. As an arthropod 

grows, it must molt to make room for its 

bigger body. An arthropod's exoskeleton 

is made of a polymer called chitin, which 

belongs to a class of organic molecules 

known as carbohydrates. In this section, 

you will learn about the structures and 

functions of carbohydrates. 

Figure 24.4 Carbohydrates are the most 
abundant sources of energy in food. Fruits 

contain simple carbohydrates called 
sugars. Bread and pasta are good sources of 

complex carbohydrates called starches. 

Previewing Before you read this 

section, skim the section to find 

out the types of carbohydrates 

you will be learning about. List 

the types of carbohydrates and, as 

you read, write a description of 

each one. 

Monosaccharides 
Long-distance runners often prepare for a big race by eating a great deal of 

bread and pasta, a process known as carbohydrate loading. Breads and 

pastas are excellent sources of the family of important molecules called 

carbohydrates. Carbohydrates are monomers and polymers of aldehydes 

and ketones that have numerous hydroxyl groups attached; they are made 

up of carbon, hydrogen, and oxygen. The name carbohydrate comes from 

the early observation that many of these compounds have the general for¬ 

mula C„(H20)„ and, as a result, appear to be hydrates of carbon. They are 

not, in fact, true hydrates. 

You would probably call a diet based mainly on bread and pasta a 

starchy diet. You would be correct. Such foods contain certain carbohy¬ 

drates called starches. In this section, you will learn about the similarities 

and differences among some well-known types of carbohydrates. 

Carbohydrates are present in most foods, as Figure 24.4 shows. 

The simplest carbohydrate molecules are called simple sugars, or 

monosaccharides. Glucose and fructose are examples of simple sug¬ 

ars. Glucose is abundant in plants and animals. Depending on 

the source, glucose has also been called corn sugar, grape sugar, 

or blood sugar. Fructose occurs in a large number of fruits and in 

honey. Glucose and fructose both have the molecular formula 

C6H1206. Flowever, glucose has an aldehyde functional group, 

whereas fructose has a ketone functional group. Therefore, they 

are structural isomers. Both undergo many of the same reactions as 

ordinary aldehydes and ketones. 



In aqueous solution, simple sugars such as glucose and fructose exist 

in a dynamic equilibrium between straight-chain and cyclic forms. The 

cyclic form predominates. The structures for each sugar in both forms are: 

CHO 
1 ch2oh 

H-C-OH 
| 

1 
H C—0 

HO—C —H \ /h \ / 
■■ 

H-C-OH 

s c n c 

/ \?H FA 
1 HO C—C ( 

H-C-OH 1 1 
H OH 

CH2OH 

Straight-chain and cyclic forms of glucose 

ch2oh 
I 
c=o 

HO-C-H 
I 

H-C-OH 
I 

H-C-OH 
I 
ch2oh 

HOCH2^ /OH 

/ H9/ X 
H £._CH2OH 

I I 
OH H 

Straight-chain and cyclic forms of fructose 

Note the aldehyde functional group (—CHO) on the straight-chain form of 

glucose and the ketone functional group (—c —) on the straight-chain 

form of fructose. 

(^Checkpoint) 

O 

Which form of a simple sugar is favored at equilibrium in 

aqueous solution? 

Disaccharides and Polysaccharides 
Simple sugars form the building blocks of more complex carbohydrates. 

The cyclic forms of two simple sugars can be linked by means of a 

condensation reaction. For example, the linking of glucose and fructose 

with the loss of a water molecule produces sucrose—common table sugar. 

A sugar such as sucrose that forms from two monosaccharides in this way 

is known as a disaccharide. The reaction by which it forms is as follows. 

CH2OH 
| 

H C —0 H 

\ /fi \ / 
/C\ OH H Glucose 

HO C — C OH 
1 1 

i 

H l 

V' 
/V 

CH2OH 

hoch2 

H 

H OH 

+ 

Ov 
\ / 

C TT 

c— 
I 

OH 

HO/< 

—c 
I 

H 

OH 

-H,0 

Fructose 

HO 

HOCH 

-O H 

\ / 

OH H C 

-C 

H OH 
O 

0. 

CHoOH H 7 V H H0/C\ 

Sucrose 

11 

c- 
i / 

-c ch2oh 

OH H 

Sucrose is obtained commercially mainly from the juice of sugar cane and 

sugar beets. The world’s production from these sources exceeds 7 X 109 

metric tons per year. 

The formation of a disaccharide is sometimes the first step in a con¬ 

densation polymerization reaction that produces extremely large mole¬ 

cules. The polymers produced by the linkage of many monosaccharide 

monomers are called polysaccharides. Starches, the major storage form of 

glucose in plants, are polysaccharide polymers that consist of glucose 

monomers. Figure 24.5 shows a portion of a starch molecule. 

Word Origins 
Polysaccharide comes from 

the Greek words polys, 

meaning "full" or "many," 

and sakcharon, meaning 

"sugar." A polysaccharide is 

a compound that is formed 

by the linking together of 

many simple sugar mole¬ 

cules. Starches, cellulose, 

and glycogen are all 

polysaccharides. What are 

the names of some other 

organic molecules that 

contain the prefix poly-? 
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Starch 
Figure 24.5 Starch and cellulose 
are similar polymers made up of 
hundreds of glucose monomers. 
They differ in the orientation of 
the bond between the glucose 
units. Because of this difference, 

starch is readily digestible, but 
cellulose is indigestible by most 
organisms. Using Models 
What other types of models 
could you use to show the struc¬ 
tural differences between starch 

and cellulose? 

Go v-Tnline c -.:rn> SCh INKS 

For: Links on Carbohydrates 
Visit: www.SciLinks.org 
Web Code: cdn-1242 

A typical linear starch molecule contains hundreds of glucose mono¬ 

mers. Other starches are branched molecules, each branch containing 

about a dozen glucose units. Glycogen, the energy source stored in the liver 

and muscle cells of animals, is a more highly branched molecule than plant 

starches. Glycogen, too, consists of glucose monomers. 

Cellulose is probably the most abundant biological molecule on Earth. 

As you can see in Figure 24.5, cellulose also is a polymer of glucose. The ori¬ 

entation of the bond that links the glucose monomers in cellulose is differ¬ 

ent, however, from the bond orientation in starch and in glycogen. Starch 

can be digested by most organisms and is partially soluble in water. Cellu¬ 

lose, however, can be digested by only a few kinds of microorganisms, such 

as those that live in the digestive tracts of cattle and termites. Cellulose is 

insoluble in water and is an important structural polysaccharide that pro¬ 

vides form, hardness, and rigidity in plants. Plant cell walls are made of cel¬ 

lulose. Cotton is about 80% cellulose. 

24.2 Section Assessment 

8. Key Concept Where is glucose found in 

nature? 

9. Key Concept How can the cyclic forms of two 

simple sugars be combined? 

10. Distinguish between the important structural 

features of sucrose, glucose, and fructose. 

11. Describe the main characteristics of monosaccha¬ 

rides, disaccharides, and polysaccharides. 

12. Starch and cellulose have different properties, but 

both are composed of glucose units. Explain what 

makes them different. 

13. Name a source for each polysaccharide: 

a. starch b. cellulose c. glycogen 

14. What is the most abundant carbohydrate on 

Earth and where is it found? 

Connecting Concepts 

Polymers Starch is a condensation polymer of 
glucose. Reread Section 23.4, and describe some 

other examples of molecules that form by condensa 
tion polymerization. 

@ 

^^Textbook 
Assessment 24.2 Test yourself 
on the concepts in Section 24.2. 

__with ChemASAP 
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24.3 Amino Acids and Their Polymers 

Connecting to Your World Many people are lactose intoler. 

ant, which means that they cannot digest milk or products containing 

milk.These people cannot digest milk products because their bodies do 

not produce enough of the enzyme lactase to 

digest lactose, the sugar found in milk.The 

undigested lactose causes bloating and 

stomach upset. Some people with lac¬ 

tose intolerance can enjoy milk prod¬ 

ucts if they take a pill containing 

lactase before eating. In this section, 

you will learn what enzymes are and 

what function they serve in the body. 

Amino Acids 
Many biological compounds contain nitrogen in addition to carbon, oxy¬ 

gen, and hydrogen. Some of the most important nitrogen-containing mol¬ 

ecules in organisms are amino acids. In fact, the polymers of amino acids, 

which you will also learn about, make up more than one half of the dry 

weight of your body. 

An amino acid is any compound that contains an amino group (—NH2) 

and a carboxyl group (—COOH) in the same molecule. For chemists and 

biochemists, however, the term is usually reserved for the 20 common 

amino acids that are formed and used by living organisms. (p Amino 

acids have a skeleton that consists of a carboxyl group and an amino group, 

both of which are covalendy bonded to a central carbon atom. The remaining 

two groups on the central carbon atom are hydrogen and an R group that 

constitutes the amino acid side chain. 

Guide for Reading 

Key Concepts 
• What is the general structure of 

an amino acid? 

• Which functional groups are 

always involved in amide bonds 

between amino acids? 

• What determines the 

differences in the chemical and 

physiological properties of 

peptides and proteins? 

• How do enzymes affect the 

rates of reactions in living 

things? 

Vocabulary 
amino acid 

peptide 

peptide bond 

protein 

enzymes 

substrates 

active site 

Reading Strategy 
Building Vocabulary As you 

read the section, write a definition 

of each vocabulary term in your 

own words. 

^— Side chain 

D 

Central carbon atom—^ | 

h2n— c-cooh 

! H 1 

Amino group - Carboxyl group 

The chemical nature of the side-chain group accounts for the differ¬ 

ences in properties among the 20 amino acids. In some amino acids, the 

side chains are nonpolar aliphatic or aromatic hydrocarbons. In other 

amino acids, the side chains are neutral but polar. In still others, the side 

chains are acidic or basic. 

Because the central carbon of amino acids is asymmetric, these com¬ 

pounds can exist as optical isomers. As you may recall from Section 22.3, 

optical isomers may be right- or left-handed. Nearly all the amino acids 

found in nature are of the left-handed, or L, form. 
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Table 24.1 gives the names of the amino acids with their three-letter 

abbreviations. Examine the abbreviations. You will use them as shortcuts 

when you read or write about protein structure. 

Peptides 
A peptide is any combination of amino acids in which the amino group of 

one amino acid is united with the carboxyl group of another amino acid. 

The amide bond between the carboxyl group of one amino acid and the 

nitrogen in the amino group of the next amino acid in the peptide chain is 

called a peptide bond. 

R O R O 

HoN-C-C —OH + H-N — C-C-OH 

R 0 

-> H,N — C—C 

^— Peptide bond 

H 

Amino acid 

H H 

Amino acid 

H 

R O 

N-C-C-OH + H20 
I I 

H H 

Peptide 

Abbreviations for 
Amino Acids 

Amino acid Abbreviation 

Alanine Ala 

Arginine Arg 

Asparagine Asn 

Aspartic acid Asp 

Cysteine Cys 

Glutamine Gin 

Glutamic acid Glu 

Glycine Gly 

Histidine His 

Isoleucine lie 

Leucine Leu 

Lysine Lys 

Methionine Met 

Phenylalanine Phe 

Proline Pro 

Serine Ser 

Threonine Thr 

Tryptophan Trp 

Tyrosine Tyr 

Valine Val 

The amide bonds between amino acids always involve the central amino 

and central carboxyl groups. The side chains are not involved in the bonding. 

Note that a free amino group remains at one end of the resulting pep¬ 

tide. The convention is to write the formula of the peptide so that this free 

amino group is at the left end. There is also a free carboxyl group, which 

appears at the right end. 

More amino acids may be added to the peptide in the same fashion to 

form long chains by condensation polymerization. The order in which the 

amino acids of a peptide molecule are linked is called the amino acid 

sequence of that molecule. The amino acid sequence of a peptide is conve¬ 

niently expressed using the three-letter abbreviations for the amino acids. 

For example, Asp—Glu—Gly represents a peptide containing three amino 

acids. This tripeptide contains aspartic acid, glutamic acid, and glycine, in 

that order, with the free amino group assumed to be on the left end (on the 

Asp) and the free carboxyl group on the right end (on the Gly). Note that 

Asp—Glu—Gly is a different peptide from Gly—Glu—Asp because the 

order of amino acids is reversed, and thus the free amino group and free 

carboxyl group are on different amino acids. 

(^Checkpoint) By what process can amino acids be added to peptides to 

form long chains? 

Proteins 
In theory, the process of adding amino acids to a peptide chain may con¬ 

tinue indefinitely. Any peptide with more than ten amino acids is called a 

polypeptide. A peptide with more than about 100 amino acids is called a 

protein. On average, a molecule of 100 amino acids has a molar mass of 

about 10,000 amu. Proteins are an important class of biomolecules. Your 

skin, hair, nails, muscles, and the hemoglobin molecules in your blood are 

made of protein. Proteins are needed for almost all chemical reactions that 

take place in the body. 
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Figure 24.6 Peptides form 

three-dimensional shapes. 

© This is a representation of 
amino acids in a peptide chain. 

© The chain may coil into a 

helix. © Two peptide chains may 
become arranged in a pleated, 
sheet-like structure. 

Applying Concepts What 
types of bonds determine the 

three-dimensional shape of a 
protein? 

Differences in the chemical and physiological properties of peptides 

Water—^ 
molecule 

Heme 

Iron(ll) 

Peptide chain 

Myoglobin 

and proteins result from differences in the amino acid sequence. 20 amino 

acids can be linked in an enormous number of ways in a protein molecule. 

As many as 20100 amino acid sequences are possible for a protein of 

100 amino acids containing a combination of the 20 different amino acids. 

Protein molecules are folded into relatively stable three-dimensional 

shapes. Figure 24.6a represents a long peptide chain of a protein. 

Figure 24.6b shows how sections of peptide chain may coil into a regular 

spiral, known as a helix. Peptide chains may also be arranged side by side to 

form a pleated sheet, as shown in Figure 24.6c. Irregular folding of the 

chains also can occur. The three-dimensional shape of a protein is deter¬ 

mined by interactions among the amino acids in its peptide chains. Protein 

shape is partly maintained by hydrogen bonds between adjacent folded 

chains. Covalent bonds also form between sulfur atoms of cysteine side 

chains that are folded near each other. In that way, separate polypeptide 

chains may be joined into a single protein. Figure 24.7 traces the shape of 

myoglobin, a protein that stores oxygen in muscle cells. As you can see, the 

peptide chains of most of the myoglobin molecule are twisted into helixes. 

Figure 24.7 The three- 

dimensional structure of 
myoglobin, the oxygen storage 

protein of this muscle tissue, is 
shown here. Most of the peptide 
chain of myoglobin is wound 

into helixes. Myoglobin also 
contains a nonprotein structure 

called heme. The heme group is 
shown as a disk in the myoglobin 

structure. Heme contains four 
linked rings with an iron(ll) ion 
(Fe2+) at the center. Molecular 

oxygen binds to the heme iron. 
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Figure 24.8 A substrate fits into 
a distinctively shaped active site 
on an enzyme. Bond-breaking 
occurs at the active site to 

produce the products of the 
reaction. Predicting What 
would happen if access to the 

active site were blocked by 
another molecule? 

Enzymes 
Enzymes are proteins that act as biological catalysts. Enzymes increase 

the rates of chemical reactions in living things. In 1926, the American chem¬ 

ist James B. Sumner reported the first isolation and crystallization of an 

enzyme. The enzyme he isolated was urease, which hydrolyzes urea, a con¬ 

stituent of urine, into ammonia and carbon dioxide. The strong ammonia 

smell of wet diapers that are allowed to stand for a long time is the result of 

the action of bacteria that contain this enzyme. The reaction is shown 

below. 

O 
|| 

H2N — C — NH2(a<7) + H,0(Z) UreaSe > 2NH3(g) + C02(g) 

Urea Water Ammonia Carbon 

dioxide 

Since the discovery of urease, thousands of enzymes have been isolated 

and structurally characterized as proteins. 

In addition to being able to promote reactions, enzymes have two 

other properties of true catalysts. First, they are unchanged by the reaction 

they catalyze. Second, they do not change the normal equilibrium position 

of a chemical system. The same amount of product is eventually formed 

whether or not an enzyme is present. Few reactions in cells ever reach 

equilibrium, however. The products tend to convert rapidly to another 

substance in a subsequent enzyme-catalyzed reaction. According to Le 

Chatelier’s principle, such removal of a product pulls the reaction toward 

completion. 

How Enzymes Work Enzymes catalyze most of the chemical changes 

that occur in the cell. Substrates are the molecules on which an enzyme 

acts. In a typical enzymatic reaction, diagrammed in Figure 24.8, the sub¬ 

strate interacts with side chains of the amino acids on the enzyme. These 

interactions cause the making and breaking of bonds. A substrate molecule 

must make contact with and bind to an enzyme molecule before the sub¬ 

strate can be transformed into product. The place on an enzyme where a 

substrate binds is called the active site. An active site is usually a pocket or 

crevice formed by folds in the peptide chains of the enzyme protein. The 

peptide chain of an enzyme is folded in a unique way to accommodate the 

substrate at the active site. The diagram in Figure 24.9 shows this folding for 

an enzyme called HIV protease, which is produced by the virus that causes 

AIDS. 

Substrate 

Enzyme 

Product Product 
\ Bond broken / 

Enzyme-substrate complex Enzyme 
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Because the active site of each enzyme has a distinctive shape, only one 

specific substrate molecule can fit into the enzyme, in the same way that 

only one key will fit into a certain lock. Each enzyme catalyzes only one 

chemical reaction, with only one substrate. An enzyme-substrate complex 

is formed when an enzyme molecule and a substrate molecule are joined. 

To see the efficiency of enzymes, consider an enzyme called carbonic 

anhydrase. It catalyzes the reversible breakdown of carbonic acid to carbon 

dioxide and water. One molecule of carbonic anhydrase can catalyze the 

breakdown of 36 million molecules of carbonic acid in one minute! 

carbonic 
anhydrase 

H2CO3(aq) . C02(g) + H20(Z) 

Carbonic Carbon Water 
acid dioxide 

Figure 24.9 This color- 

enhanced scanning electron 
micrograph shows HIV (red 

particle) infecting a human white 
blood cell (orange). The diagram 

models the enzyme HIV protease. 
The green and yellow ribbons 

trace the two peptide chains 
of the enzyme. A substrate 

molecule (purple) is embedded 
in the active site formed between 

the two peptide chains. 

Coenzymes Some enzymes can directly catalyze the transformation of 

biological substrates without assistance from other substances. Other 

enzymes need nonprotein coenzymes, also called cofactors, to assist the 

transformation. Coenzymes are metal ions or small organic molecules that 

must be present for an enzyme-catalyzed reaction to occur. Many water- 

soluble vitamins, such as B vitamins, are coenzymes. Metal ions that act 

as coenzymes include the cations of magnesium, potassium, iron, and 

zinc. The enzyme catalase includes an iron(III) ion in its structure. Catalase 

catalyzes the breakdown of hydrogen peroxide to water and oxygen. 

2H202(acj) -> 2H20(/) + O2(g) 

24.3 Section Assessment 

15. Key Concept What are the four groups that 

surround the central carbon atom in an amino 

acid? 

16. <T^ Key Concept Which functional groups are 

always involved in amide bonds? 

17. Key Concept What determines the differ¬ 

ences in the properties of peptides and proteins? 

18. Key Concept How do enzymes affect the 

reaction rates in living things? 

19. What is meant by the amino acid sequence of a 

protein? 

20. Describe three properties of enzymes. 

Connecting f> Concepts 

Reversible Reactions Reread Section 18.2 on 
reversible reactions and equilibrium. Use Le Chate- 

lier's principle to explain why few reactions in cells 

ever reach equilibrium. 

Textbook 

Assessment 24.3 Test yourself 
on the concepts in Section 24.3. 

_with ChemASAP 
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You're the Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Design It! Design an experiment to answer the fol¬ 

lowing question: Does the mass of an egg change 

over time? 

2. Analyze It! Using your measured mass,your calcu¬ 

lated original mass, and your experiments on the 

mass loss of an egg over time, estimate the age of 

your egg. What assumptions must you make? 

3. Design It! Design and carry out an experiment to 

measure the volume of your egg. Write down what 

you did and what you found. 

The Egg: A Biochemical Storehouse 

Purpose 
To explore some physical and chemical properties of a 

chicken egg 

Materials 
• chicken egg 

• ruler 

• balance 

• pencil 

• paper 

Procedure |9 fit EaU 
Obtain a chicken egg. Examine the egg's shape and 

measure its length and width in centimeters. Measure the 

mass of the egg. Make an accurate, life-size sketch of your 

egg and record all your data on the sketch. 

Analyze 
Using your experimental data, record the answers to the 

following questions below your drawing. 

1. A common way to compare the shapes of eggs is by 

using a shape index.The shape index is the width of an 

egg expressed as a percentage of its length. 

Shape index = 
width 
length 

X 100% 

Calculate the shape index of your egg. 

2. The volume, original mass (when freshly laid), and 

surface area of an egg can easily be estimated by using 

the following equations. 

4. Design It! Carry out a series of experiments, or con¬ 

sult with your classmates and use their data, to deter¬ 

mine if and how the shape index varies with the size 

of the egg (small, medium, large, extra large, jumbo). 

V = (0.5236)(7W2) m = (0.5632)(Cw2) 

A = (3.138)(7W2)2/3 

V = volume m = original mass 

A = surface area /= length w = width 

Use your data to calculate the volume, original mass, 

and surface area of your egg. Show your work, and 

record your results. 

3. Compare your measured mass of the egg with your 

calculated mass. Which is greater? Suggest why the 

mass of an egg might change over time. 

4. Using your measured mass and your calculated vol¬ 

ume, calculate the density of your egg. Compare 

this value with the density of a freshly laid egg 

(d = 1.075 g/cm3). 

5. Analyze It! Determine howthe mass of an egg varies 

with its size (small, medium, large, extra large, jumbo). 

6. Analyze It! An eggshell contains a calcium carbonate 

matrix with a protein cuticle. Place one drop of HCI on 

an eggshell and observe what happens.Write a chem¬ 

ical equation for this reaction. CAUTION HCI is caustic 

and can burn skin. 

7. Analyze It! Proteins can be detected by adding 

aqueous solutions of copper(ll) sulfate and sodium 

hydroxide to a sample. A violet color indicates the 

presence of protein.Test powdered milk and an egg¬ 

shell for protein. What are your results? 

8. Design It! Design and carry out an experiment to 

answer the following question. Does temperature 

affect the mass of an egg over time? 
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24.4 Lipids 

Connecting to Your World r . . 
* Candles were an early invention 

of ancient civilizations. Candlesticks that date to at least 5000 years ago 

have been found with other artifacts from the civilizations of ancient 

Egypt and Crete. Before the invention of electric 

lighting, wax candles were the major source 

of lighting in homes. In this section, you 

will read more about waxes and similar 

compounds that make up the class of 

biomolecules known as lipids. 

Guide for Reading 

Key Concepts 
• What physical property 

distinguishes lipids from other 

classes of biological molecules? 

• How do phospholipid 

molecules arrange themselves 

in water? 

Vocabulary 
lipids 

triglyceride 

saponification 

phospholipids 

waxes 

Triglycerides 
Fats, oils, and other water-insoluble compounds are called lipids. The dif¬ 

ference between fats and oils is simply that fats are solid at room tempera¬ 

ture and oils are liquid. Most fats, such as butter, are obtained from 

animals. The fats from palm kernels and coconuts, however, are exceptions. 

Most oils, such as olive oil, are plant products. 

Although excessive dietary fat is harmful, you do need some lipids in 

your diet to stay healthy. Experts recommend that your lipid intake make up 

less than 30% of your daily caloric intake of food. Lipids such as the butter 

shown in Figure 24.10 provide an efficient way for your body to store energy. 

They are also needed to keep your cell membranes healthy. In this-section, 

you will learn about the chemical composition and biological uses of lipids. 

Lipids tend to dissolve readily in organic solvents, such as ether and 

chloroform, rather than in highly polar solvents such as water. This property 

sets them apart from most biological substances such as carbohydrates and 

proteins. Natural fats and oils exist as triesters of glycerol with fatty acids, 

which are long-chain carboxylic acids (C12 through C24). This form of lipid is 

known as a triglyceride. Triglycerides are important as the long-term stor¬ 

age form of energy in the human body. The following equation shows the 

general reaction for the formation of triglycerides. 

O O 
II II 

ch2oh HO-C-R c :h2-o-c-r 

O 0 
II II 

CHOH + HO-C-R - —> c :h—o-c-R + 3H20 

0 0 

CH2OH HO-C-R c :h2-o-c-r 

Glycerol 3 Fatty acid Triglyceride Water 

molecules (triester of glycerol) 

Reading Strategy 
Building Vocabulary As you 

read the section, write a definition 

of each vocabulary term in your 

own words. 

Figure 24.10 Moderate levels of 
dietary fats and oils are essential 

to health. 



Figure 24.11 These 

photographs illustrate 
soapmaking. Once the soap is 

formed, it is poured into molds. 
Later it may be milled, or 
shredded, with scent or color 
added, and then remolded to 

produce a finished product. 

Like other esters, fats and oils are easily hydrolyzed in the presence of 

acids and bases. The hydrolysis of oils or fats by boiling with an aqueous 

solution of an alkali-metal hydroxide is called saponification. Saponifica¬ 

tion is used to make soap. Soaps are thus the alkali metal (Na, K, or Li) salts 

of fatty acids. A typical saponification reaction is shown below. 

O 

CH2 - O- C -(CH2)16CH3 ch2oh 

CH — 0-C-(CH2)16CLI3 + 3NaOH -* CHOH + 3CH3(CH2)16-C-CTNa+ 

O 

CH2 — 0—C—(CH2)16CH3 

Tristearin 
(triester of glycerol 
and stearic acid) 

ch2oh 

Glycerol Sodium stearate 

(a soap) 

Figure 24.12 A space-filling 
model of lecithin is shown here. 

In the simplified representation 
above, the hydrophilic head is 

shown as a sphere and the 
hydrophobic tails as wavy lines. 

As shown in Figure 24.11, soap can be made by heating a fat, such as 

beef tallow or coconut oil, with an excess of sodium hydroxide. When 

sodium chloride is added to the saponified mixture, the sodium salts of the 

fatty acids separate as a thick curd of crude soap. The crude soap is then 

purified. Glycerol is an important by-product of saponification reactions. It 

is recovered by evaporating the water layer. 

(^Checkpoint) What are the products of a saponification reaction? 

Phospholipids 
Phospholipids, or lipids that contain phosphate groups, are abundant in 

cells. Figure 24.12 shows a typical phospholipid molecule, lecithin. The lec¬ 

ithin molecule has a hydrophilic (water-loving) ionic head and oily or 

hydrophobic (water-hating) hydrocarbon tails. You know the solubility 

rule, “Like dissolves like.” Lecithin, which is partly hydrophobic and pardy 

hydrophilic, behaves in water like both an insoluble hydrocarbon and a 

soluble ionic compound. In water, the hydrophobic carbon chains aggre¬ 

gate to exclude water. The hydrophilic part is drawn to water, which can 

solvate it. In water, phospholipids spontaneously form a spherical 

double layer, called a lipid bilayer, in which the hydrophobic tails of 

phospholipid molecules are sandwiched between two layers of hydro¬ 

philic heads. 
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Hydrophobic tails 

Lipid 

molecules 

cannot cross 

easily from 

one layer to 

another. 

Cell membranes, such as the one shown in Figure 24.13, consist pri¬ 

marily of lipid bilayers. The lipid bilayer of a cell membrane acts as a bar¬ 

rier against the passage of molecules and ions into and out of the cell. 

However, cells do need to take in certain ions and molecules, such as nutri¬ 

ents, while excluding other materials. Selective absorption is accomplished 

by the protrusion of protein molecules through the lipid bilayer. These pro¬ 

teins form channels through which specific ions and molecules can selec¬ 

tively pass. Not all membrane proteins extend all the way through the 

membrane. Proteins, such as enzymes, may be bound to the interior sur¬ 

face of the membrane. Many membrane proteins have attached carbohy¬ 

drate molecules. The carbohydrate portion is on the exterior of the lipid 

bilayer, where it can hydrogen-bond with water. The protein portion is on 

the interior of the lipid bilayer, so it does not contact the water. 

Figure 24.13 A cell membrane 
has a lipid bilayer structure. 

O The hydrophilic heads are 
in contact with water, but the 
hydrophobic tails are not. (!) The 

lipid molecules move easily 
within their own layer but do not 

readily move to the other layer. 
Applying Concepts What 

prevents a lipid molecule from 
crossing to the opposite side of 
the bilayer? 

Waxes 
Waxes are also part of the lipid family. Waxes are esters of long-chain fatty 

acids and long-chain alcohols. The hydrocarbon chains for both the acid 

and the alcohol usually contain from 10 to 30 carbon atoms. Waxes are low- 

melting, stable solids. In many plants, a wax coat protects the surfaces of 

leaves from water loss and attack by microorganisms. For example, car- 

nauba wax, a major ingredient in car wax and floor polish, is found on the 

leaves of a South American palm tree. In animals, waxes coat the skin, hair, 

and feathers and help keep these structures pliable and waterproof. 
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24.4 Section Assessment 

21. Key Concept What physical property sets 

lipids apart from biological substances such as 

carbohydrates and proteins? 

22. Key Concept How do phospholipids behave 

in water? 

23. Compare the molecular structures of the three 

main types of lipids. 

24. What role do phospholipids and proteins play in 

cell membranes? 

25. What two classes of organic compounds combine 

to form a wax? 

Explain a Concept Write a paragraph explaining 

how cells are able to selectively absorb certain ions 
and molecules while excluding other materials. 

a 

^^Textbook 
Assessment 24.4 Test yourself 

on the concepts in Section 24.4. 

_with ChemASAP 
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Nucleic Acids 24.5 

Guide for Reading 

Key Concepts 
• What are the functions of DNA 

and RNA? 

• How long a base sequence of 

DNA is required to specify one 

amino acid in a peptide chain? 

• What are gene mutations? 

• What forms the basis for a 

method of identifying a person 

from biological samples? 

• What is recombinant DNA 

technology? 

Vocabulary 
nucleic acids 

nucleotides 

gene 

Reading Strategy 
Summarizing As you read the 

section, summarize each part that 

begins with a red head in a few 

sentences. 

Figure 24.14 This photo shows 
strands of DNA extracted from 
cellular material. 

Connecting to Your World Maybe peop|e have to|d you 

that you have your mother's eyes or your father's nose. Although this is 

not literally true (your eyes and nose are 

your own), you do inherit the instruc¬ 

tions for assembling the proteins of 

your bodyfrom your parents. In this 

section, you will learn what these 

instructions are called and how 

they code for proteins. 

DNA and RNA 
More than 100 years ago, a Swiss biochemist discovered a class of nitrogen- 

containing compounds in the nuclei of cells. The nuclei were first obtained 

from dead white blood cells in the pus of infected wounds. The eventual 

understanding of the biological role of the compounds has led to a revolu¬ 

tion in biochemistry. 

These nitrogen-containing compounds, called nucleic acids, are polymers 

that are found primarily in cell nuclei. They are indispensable components of 

every living thing. Two kinds of nucleic acids are found in cells—deoxyribonu¬ 

cleic acid (DNA) and ribonucleic acid (RNA). DNA stores the information 

needed to make proteins and governs the reproduction and growth of cells 

and new organisms. RNA has a key role in the transmission of the information 

stored in DNA and in the synthesis of proteins. 

The monomers that make up the DNA and RNA polymers are called 

nucleotides. Nucleic acids are therefore polynucleotides. As shown below, 

each nucleotide consists of a phosphate group, a five-carbon sugar, and a 

nitrogen-containing unit called a nitrogen base. 

Phosphate + Sugar + Nitrogen base Phosphate 

The sugar unit in the nucleotides of DNA is the five-carbon monosaccha¬ 

ride known as deoxyribose. There are four different nitrogen bases in DNA— 

adenine, guanine, thymine, and cytosine. These four bases are abbreviated 

A, G, T, and C, respectively, and are shown in a short segment of a DNA mol¬ 

ecule in Figure 24.15. Notice that adenine and guanine each contains a dou¬ 

ble ring and that thymine and cytosine contain a single ring. Ribose, which 

has one more oxygen atom than deoxyribose, is the sugar found in the nucle¬ 

otide monomers of RNA. The base thymine is never found in RNA. Instead, it 

is replaced by a fifth nitrogen base, called uracil, which is abbreviated U. 

778 Chapter 24 



Figure 24.15 The nucleotide 
monomers of DNA are linked 

together through their 

phosphate groups. 

o 
I 

o=p- 

cr 

Chemists studying nucleic acids dis¬ 

covered that the amount of adenine in 

DNA always equals the amount of thymine 

(A = T). Similarly, the amount of guanine 

always equals the amount of cytosine 

(G = C). The significance of these facts was not 

apparent until 1953, when James Watson and Fran¬ 

cis Crick proposed that the structure of DNA con¬ 

sists of two polynucleotide chains wrapped into a 

spiral shape. This is the famous double helix of DNA. For 

the nitrogen bases to fit neatly into the double helix, every 

double-ringed base on one strand must be paired with 

a single-ringed base on the opposing strand. The pairing of A 

with T and G with C not only provides the best possible fit; it also allows 

the maximum number of hydrogen bonds to form between the oppos¬ 

ing bases, as Figure 24.16 shows. Thus, the pairing of A and T (with two 

hydrogen bonds between the opposing bases) and of G and C (with 

three hydrogen bonds) makes for the most stable arrangement in the 

double helix. 

Nitrogen base 

Simple sugar 

Phosphate group 

Guanine 

Thymine 

H 

CHo O.H-N7 NT*1 

H-c n-h.n 

N—^ y=N \ 
WO H 

T=A 

Thymine Adenine 

✓-x 

H 
\ „ 

H N-H. 

II -c N.H-N J- \ 

N-^ >=n 
W O.H-N 

H 

C = G 

Cytosine Guanine 
Simple sugar 

Phosphate group 

Figure 24.16 The two DNA 
strands in a double helix are held 

together by many hydrogen 
bonds; there are two hydrogen 
bonds between each thymine (T) 

and adenine (A) and three 
hydrogen bonds between each 

cytosine (C) and guanine (G). 
Interpreting Diagrams In the 
pairing of C with G, how many 
hydrogen bonds involve 
nitrogen? How many involve 
oxygen? 

Textbook 
Simulation 29 Construct a 
portion of a DNA molecule. 

with ChemASAP 
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A Model of DNA 

Purpose 
To construct a model of 

double-stranded DNA 

Materials 
• cardboard tube from 

paper-towel roll 

• felt-tip markers 

(two colors) 

• metric ruler 

• thumbtack 

• 10 toothpicks 

V 

Procedure 
1. The typical cardboard tube has a seam 

that, when viewed from one end, 

describes a spiral that moves away 

from the observer.This spiral is a helix. 

Outline the spiral seam with a colored 

marker. 

2. Using a different-colored marker, draw 

a second spiral midway between the 

lines of the first.These two spirals 

represent the two strands of double- 

stranded DNA. 

3. Measure along the tube, and mark a 

dot on each spiral every 5 cm. Label 

each dot with the letter S to indicate a 

sugar unit. Make a hole in the spirals at 

each S mark with the thumbtack. Move 

down each spiral and mark a letter P to 

indicate a phosphate group halfway 

between each two S dots. 

4. Color each toothpick along half its 

length with a marker. A toothpick 

represents a base pair in the DNA 

molecule. 

5. Starting at the top of the tube, insert a 

toothpick in one hole at an S label and 

guide it so it emerges through the hole 

in the S on the opposite side of the 

tube. Repeat the process for the 

other holes. 

Analyze and Conclude 

1. Are the bases on the interior or the 

exterior of the double helix? Are they 

randomly arranged or neatly stacked? 

2, Are the phosphate groups on the 

exterior or the interior of the DNA 

structure? 

3. Are the sugar groups on the interior or 

the exterior of the DNA molecule? 

The Genetic Code 
Ait organism contains many proteins that are characteristic of that particu¬ 

lar organism. The proteins of earthworms are different from the proteins of 

pine trees, which are different from the proteins of humans. How do cells in 

a given kind of organism know which proteins to make? The cells use the 

instructions contained in the organism’s DNA. A gene is a segment of DNA 

that carries the instructions for making one peptide chain. Thus the prod¬ 

ucts of genes are the peptides and proteins found in an organism. 

You can think of DNA as a reference manual that stores the instruc¬ 

tions for building proteins. The instructions are written in a simple lan¬ 

guage that has 4 “letters”—the bases A, T, G, and C. Experimental data 

show that each "word” in a DNA manual is exactly three letters in length. 

Each three-letter base sequence, or triplet, codes for one of the 20 common 

amino acids. The code words are strung together in the DNA molecule to 

form genes, which specify the order of amino acids in peptides and pro¬ 

teins. Three bases of DNA arranged in a specific sequence are required to 

specify one amino acid in a peptide or protein chain. 

(^Checkpoint) How do cells in a given kind of organism know which 

proteins to make? 
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Table 24.2 provides the DNA code words for the 20 common amino 

acids. For example, you can see that the DNA code word AAA specifies the 

amino acid phenylalanine and that the DNA code word CGA specifies the 

amino acid alanine. Note that most amino acids are specified by more than 

one code word, but a code word never specifies more than one amino acid. 

With DNA code words of three letters, 900 bases arranged in a specific 

sequence would be required to code for a peptide chain made up of 

300 amino acids arranged in a specific sequence. 

Three code words (ATT, ATC, and ACT) are reserved as end, or termi¬ 

nation, code words. The translation of a base sequence of DNA in a gene 

into the amino acid sequence of a peptide begins after one termination 

code word and runs continuously until another termination code word is 

reached. The termination code word signals a stop to the addition of amino 

acids in the production of the peptide, which is thus completed. You can 

think of a termination code as being similar to the period at the end of 

a sentence. 

The molar masses of DNA molecules reach into the millions and possi¬ 

bly billions. Even with only four bases, the number of possible sequences of 

nucleotides in a DNA chain is enormous. The sequence of the nitrogen 

bases A, T, G, and C in the DNA of an organism constitutes the genetic plan, 

or blueprint, for that organism. This genetic plan is inherited from parents 

and passed to offspring. Differences in the number and sequence of the 

bases in DNA ultimately are responsible for the great diversity of living 

creatures found on Earth. 

Table 24.2 

Three-Letter DNA Code Words for the Amino Acids 

Second Letter in Code Word 

A G T C 

AAA Phe AGA Ser ATA Tyr ACA Cys A 

A 
AAG Phe AGG Ser ATG Tyr ACG Cys G 

AAT Leu AGT Ser ATT End ACT End T 

AAC Leu AGC Ser ATC End ACC Trp C 

■o GAA Leu GGA Pro GTA His GCA Arg A H 
k- 
o GAG Leu GGG Pro GTG His GCG Arg G “ 

§ G 
Q_ 

0) 
“O GAT Leu GGT Pro GTT Gin GCT Arg 

T s o 
o GAC Leu GGC Pro GTC Gin GCC Arg 

— «■+ 
c ® 

k. 
0) TAA lie TGAThr TTA Asn TCA Ser 

3 

A o 

ts TAG lie TGG Thr TTG Asn TCG Ser G Q. 
0) 
-1 T 

CD 

CO TAT lie TGTThr TTT Lys TCT Arg T I 
iZ TAC Met TGCThr TTC Lys TCC Arg c a. 

CAA Val CGA Ala CTA Asp CCA Gly A 

CAG Val CGG Ala CTG Asp CCG Gly G 

C 
CAT Val CGT Ala CTT Glu CCTGIy T 

CAC Val CGC Ala CTC Glu CCC Gly C 

Figure 24.17 This space-filling 
model shows only a tiny segment 

of a DNA molecule and gives you 

an idea of the enormous mass of 

the entire molecule. 
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Figure 24.18 The abbreviated 
molecular structure of 
hemoglobin, the oxygen¬ 

transporting protein of blood, is 
shown here. © The hemoglobin 

molecule consists of four peptide 
chains, each containing a heme 

group. © In the genetic disorder 
sickle cell anemia, defective 
hemoglobin causes red blood 

cells to take on a distorted shape. 
© Normal red blood cells have a 
doughnut-like shape. 
Interpreting Diagrams How 

many nitrogen atoms does a 
heme group contain? 

Gene Mutations 
When a change occurs in a DNA code word, the result is a mutation. 

(^ Substitutions, additions, or deletions of one or more nucleotides in the 

DNA molecule are called gene mutations. The effect of the deletion of a sin¬ 

gle base from a gene can be illustrated by the following analogy. Suppose a 

string of letters of the alphabet goes as follows: 

PATTHEBADCAT 

The letters may not make sense at first glance. However, if you separate 

them into three-letter words, they form a perfectly sensible statement: 

PAT THE BAD CAT 

Now delete the first letter, and again separate the string into three-letter 

segments: 

ATTHEBADCAT 

This last sequence is nonsensical. Similarly, the deletion of a base in the 

DNA base sequence can turn the information into nonsense. A sequence 

that once may have coded for the proper sequence of amino acids in a nec¬ 

essary protein may be replaced by a sequence that produces a useless or 

damaging amino acid sequence. The same sort of harmful effect may be 

obtained by mutations involving substitutions or additions of nucleotides. 

Such mutations might result in the production of a faulty protein or 

of no protein at all. Diseases that result from gene mutations are called 

genetic disorders. Thousands of genetic disorders have been identified. 

Sickle cell anemia, which affects mainly people of African descent, results 

from a mutation in one of the peptide chains of hemoglobin, the oxygen¬ 

carrying protein of blood. Figure 24.18 shows the three-dimensional struc¬ 

ture of normal hemoglobin. The defective hemoglobin made by the sickle 

cell gene reduces the oxygen supply to the tissues, triggering the painful 

episodes of the disease. In methemoglobinemia, another genetic disorder, 

iron in some of the hemoglobin is in the oxidized iron(III) state rather than 

the normal reduced iron(II) state. A faulty hemoglobin chain permits the 

undesirable oxidation of the iron(II) to occur. 
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Figure 24.19 This scientist is 
comparing DNA fingerprints. 
DNA fingerprinting is an 

important tool in the 
identification of people. A 

person's DNA fingerprint 

contains DNA fragments that are 
characteristic of his or her father 

and mother but that would not 

be identical to those of the father 
or the mother. 

Not all gene mutations are harmful. Occasionally, a mutation can 

result in the synthesis of a protein that is more efficient than the version 

that previously existed. Such a mutation could thus be beneficial to the 

survival of an organism. 

(^Checkpoint) What are diseases that result from gene mutations called? 

DNA Fingerprinting 
Only about 5% of a human’s DNA is used for coding the information 

needed for protein synthesis. The remaining 95% consists of repeating, 

noncoding base sequences that separate or sometimes interrupt gene cod¬ 

ing sequences. The role of these stretches of noncoding DNA is unclear. The 

noncoding sequences are similar for members of the same family but are 

slightly different for almost every individual. Differences also exist in the 

coding portions of DNA. The base sequences of DNA are slightly different 

for different individuals, except for identical twins. Identical twins are 

exactly alike because they have identical DNA. 

The variation in the DNA of individuals forms the basis for a method 

of identifying a person from samples of his or her hair, skin cells, or body fluid. 

Because DNA sequences, like fingerprints, are unique for each individual, 

the DNA method is called DNA fingerprinting. To construct a DNA finger¬ 

print, scientists first isolate the DNA in a sample. Only a tiny sample is 

needed. Enzymes that cut DNA chains between specific base sequences are 

used to cleave the DNA in the sample, thus providing a large number of 

DNA fragments. The fragments are of different lengths and base composi¬ 

tions for different individuals and can be separated and visualized. The pat¬ 

tern, or DNA fingerprint, that emerges can then be compared with a sample 

of DNA from a known individual, as Figure 24.19 shows. 

If the DNA fingerprints are identical, it can be stated with a high degree 

of certainty that the DNA in the unknown sample is from the known indi¬ 

vidual. The chance in favor of a DNA fingerprint being unique to one indi¬ 

vidual can be as high as 1 x 1019 to 1—a high degree of certainty, given that 

the world’s population is only about 6 x 109 people. In practice, however, 

the chance of positively identifying an individual from a sample of DNA is 

generally lower than predicted and is often subject to interpretation. 
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Questions about the certainty of identification by means of DNA fin¬ 

gerprints are often at issue in criminal cases. DNA fingerprints can be 

obtained from evidence, such as blood, left at the scene of a crime. How¬ 

ever, there is no standard for absolute determination of innocence or guilt 

from DNA fingerprinting, nor is there likely to be. Juries must decide 

whether the evidence is convincing. Evidence based on DNA fingerprints is 

permitted in more than half of the states in the United States. 

(^Checkpoint) How do scientists construct a DNA fingerprint from a sample 

of hair, skin cells, or body fluid? 

Recombinant DNA Technology 
Scientists have learned to manipulate genes by various methods. 

Recombinant DNA technology consists of methods for cleaving a DNA 

chain, inserting a new piece of DNA into the gap created by the cleavage, and 

resealing the chain. Figure 24.20 illustrates such a method. The altered DNA 

formed by this method is known as recombinant DNA. 

Applications in Medicine The first practical application of recombi¬ 

nant DNA technology was to insert the gene for making human insulin into 

bacteria. Most people naturally make insulin, a polypeptide that controls 

levels of blood sugar, but insufficient insulin production results in diabetes. 

The symptoms of diabetes can often be controlled by insulin injections. In 

the past, human insulin was not available for this purpose. Pig insulin, 

which is quite similar in structure to human insulin, was used as a substi¬ 

tute. Some patients, however, were allergic to pig insulin. Today, diabetic 

patients use the human form of insulin produced by bacteria that have 

been altered by recombinant DNA technology. Use of this insulin removes 

the need for the potentially dangerous use of pig insulin. 

Other proteins produced by recombinant DNA technology are used as 

medicinal drugs. For example, an enzyme called tissue plasminogen acti¬ 

vator (TPA) is used to dissolve blood clots in patients who have suffered 

heart attacks. Another protein, interferon, is thought to relieve or delay 

some of the debilitating effects of multiple sclerosis. Recombinant DNA 

technology is also being applied to the cure of genetic disorders in a treat¬ 

ment known as gene therapy. 

Applications in Agriculture In agriculture, new recombinant 

DNA techniques can make plants resistant to pests and weed killers 

and produce fruits and vegetables that are better suited for ship¬ 

ping and storage. Figure 24.21 shows genetically altered tomatoes 

that have a longer ripening period, which prevents spoilage and 

allows for their year-round availability. Genetically altered organ¬ 

isms have many potential benefits, but some people have concerns 

about their safety. 

Figure 24.20 Included here are the elements of an 
experiment involving recombinant DNA. In this 
experiment, DNA from one organism is inserted into 

the DNA of a different organism. 

c 

l 

c 
I 

o 

Bacterial 
DNA 

DNA strands 
broken by 
enzyme 

Insertion of 
foreign gene 

\ 
Foreign gene 

■ Foreign gene 
clipped out 
by enzyme 

I 
DNA strands resealed by enzyme to 
form recombinant DNA. This DNA is 
then inserted into bacteria, which 
use instructions from the foreign 
gene to create the desired protein. 
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:igure 24.21 These genetically 

engineered tomatoes were 
altered to increase the length of 

:ime it takes them to ripen. 

Figure 24.22 Dolly the sheep had no father. She was 
cloned from a single cell taken from her mother. Dolly 

died in February, 2003. Inferring How did Dolly's DNA 
compare with the DNA in her mother's cells? 

Cloning Ethical concerns were raised in 1997 when Scottish scientists 

announced the birth of a lamb named Dolly, shown in Figure 24.22. In 

normal animal reproduction, an offspring is a genetic mixture of the char¬ 

acteristics of both parents. Dolly, however, was a clone—an offspring of a 

single individual. A clone is an exact genetic copy of its parent because it is 

formed using the DNA of only that parent. The birth of Dolly has raised the 

question of whether humans might eventually be cloned. Many people are 

concerned about some of the possible outcomes of cloning identical indi¬ 

viduals. These reactions are one aspect of more general concerns about the 

uniqueness of life. Human cloning experiments have been outlawed in 

several countries. 

24.5 Section Assessment 

26. Key Concept What functions are performed by 

DNA and RNA? 

27. Key Concept What does a three-letter base 

sequence of DNA specify? 

28. Key Concept What are three types of gene 

mutations? 

29. Key Concept What is the basis for a method 

of identifying a person from samples of hair, skin 

cells, or body fluid? 

30. Key Concept What methods are used in 

recombinant DNA technology? 

31. Why do you think cloning is controversial? What 

are your personal thoughts on this matter? 

Connecting x Concepts 

Scientific Methods Write a paragraph describing 

how scientific methods might be applied to the 
process of DNA fingerprinting. 

Textbook 

Assessment 24.5 Test yourself 
on the concepts in Section 24.5. 

_with ChemASAP 
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Metabolism 

Guide for Reading 

(^ Key Concepts 
• What is the function of ATP in 

living cells? 

• How does a cell obtain the 

energy and building blocks 

needed for the construction of 

new biological compounds? 

• What happens in a cell during 

anabolism? 

• How do nitrogen-fixing 

bacteria provide plants with a 

useable form of nitrogen? 

Vocabulary 
adenosine triphosphate (ATP) 

metabolism 

catabolism 

anabolism 

Reading Strategy 
Comparing and Contrasting 

When you compare and contrast 

things, you examine how they are 

alike and different. As you read, 

list the similarities and differences 

between catabolism and 

anabolism. 

Connecting to Your World The body,s metabolic rate b 
controlled by a hormone called thyroxine that is released by the thyroid 

gland. When a person's diet does not contain 

adequate iodine, the thyroid gland 

is unable to produce and release 

thyroxine.The gland begins to swell, 

forming a goiter. In this section, you 

will learn where some of the 

nutrients in a person's diet come 

from and how they are involved in 

metabolic reactions. 

ATP 
All living things need energy to function properly. Adenosine triphosphate 

(ATP), shown in Figure 24.23, is a molecule that transmits this energy in the cells 

of living organisms. The function of ATP can be compared to a belt connecting 

an electric motor to a pump. The motor generates energy capable of operating 

the pump. But if a belt does not connect the motor to the pump, the energy pro¬ 

duced by the motor is wasted. You can think of ATP as the belt that couples the 

production and use of energy by cells. In living cells, ATP is the energy car¬ 

rier between the spontaneous reactions that release energy and nonsponta- 

neous reactions that use energy. 

Recall that oxidation reactions, such as the combustion of methane in a 

furnace or the oxidation of glucose in a living cell, are spontaneous reactions 

that release energy. This energy can be captured when adenosine diphos¬ 

phate (ADP) condenses with an inorganic phosphate group to become 

ATP. The addition of a phosphate group, called phosphorylation, occurs 

during certain biochemical oxidation reactions. 

Figure 24.23 ATP is ADP that 

has been phosphorylated. ATP 
provides energy to muscles for 
moving the body. Comparing 
and Contrasting How is the 
structure of ATP similar to that 

of a DNA nucleotide? 

0 0 0 Adenosine 

o-p-o-p-o-p-o—CH2 
I I I 
O' O' O' Ribose 

Triphosphate 
OH OH 
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Adenosine — P — O — P — 
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OH OH 

Adenosine diphosphate 
(ADP) 

o 
II 

OH + HO-P-OH 
I 

OH 

Inorganic phosphate 

(Pi) 

0 0 0 
II II II 

Adenosine —P — 0 —P — O — P —OH + H?0 
III 

OH OH OH 

Adenosine triphosphate Water 
(ATP) 

The formation of ATP efficiently captures energy produced by the oxi¬ 

dation reactions in living cells. Every mole of ATP produced by the phos¬ 

phorylation of ADP stores about 30.5 kj of energy. The reverse happens 

when ATP is hydrolyzed back to ADP: Every mole of ATP that is hydrolyzed 

back to ADP releases about 30.5 kj of energy. Cells use this released energy 

to drive processes that would ordinarily be nonspontaneous. Because of its 

ability to capture energy from one process and transmit it to another, ATP 

is sometimes referred to as a high-energy compound; however, the energy 

produced by the breakdown of ATP to ADP is not particularly high for the 

breaking of a covalent bond. ATP is important because it occupies an inter¬ 

mediate position in the energetics of the cell. It can be formed by using the 

energy obtained from a few higher-energy oxidation reactions. The energy 

that is contained in the bonds of ATP can then be used to drive other cellu¬ 

lar processes. 

Catabolism 
Thousands of chemical reactions take place in the cells of a living organism. 

The entire set of chemical reactions carried out by an organism is known as 

the organism’s metabolism. In metabolism, unneeded cellular components 

and the nutrients in food are broken down into simpler compounds by 

chemical reactions collectively called catabolism. Catabolic reactions 

release energy as well as produce simple compounds. The degradation 

of complex biological molecules such as carbohydrates, lipids, proteins, and 

nucleic acids during catabolism provides the energy and the building blocks 

for the construction of new biological compounds needed by the cell. 

Through the formation of ATP, catabolic reactions provide the energy for 

such needs as body motion and the transport of nutrients to cells where 

they are required. The oxidation reactions of catabolism also provide energy 

in the form of heat. These reactions help keep your body temperature con¬ 

stant at 37°C. The need for energy and building blocks is the reason why all 

organisms, such as the field mouse shown in Figure 24.24, require food. 

The complete oxidation of glucose to carbon dioxide and water is one 

of the most important energy-yielding processes of catabolism. Study 

Figure 24.25, which summarizes the major steps in the degradation of 

one glucose molecule to six molecules of carbon dioxide. The 

complete oxidation actually involves many reactions, which are not 

shown. As you can see in the figure, the major carbon-containing 

reactants and products are named, and they are also referred to 

according to the number of carbons they contain. 

Figure 24.24 Organisms such as this 

mouse use the energy stored in the 

chemical bonds of food molecules to 
power their body processes. 
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Glucose (6-cafbon chain) 

I 
2 Pyruvate ions, CH3C0C02 

(3-carbon fragments) 

l 
2 Acetate 

ions, CH3C02- 
(2-carbon fragments) 

I 

2 Carbon dioxide 
molecules, C02 

(1-carbon fragments) 

4 Carbon dioxide 
molecules 

Figure 24.25 The breakdown of glucose to carbon dioxide 
and water is one of the most important energy-yielding 

processes of catabolism. Making Generalizations What 
happens to the number of carbon-carbon bonds from one 
step to the next? 

The combustion of 1 mole of glucose to 6 moles of carbon dioxide and 

6 moles of water, either by fire or by oxidation in a living cell, produces 

2.82 X 103 kj of energy. Cells that use oxygen may produce up to 38 moles 

of ATP by capturing the energy released by the complete oxidation of a sin¬ 

gle mole of glucose! The large amount of ATP produced from the oxidation 

of glucose makes it the likeliest mode of energy production for most kinds 

of cells. In fact, if glucose is available, brain cells use no other source of car¬ 

bon compounds for energy production. 

(^Checkpoint) How much energy is released by the complete combustion of 

1 mole of glucose? 

Figure 24.26 Simple 
compounds produced by 
catabolism are used in the 

synthesis reactions of 

anabolism. Applying Con¬ 
cepts What part of metabolism 

releases energy? What part uses 
energy? 

Anabolism 
Some of the simple compounds produced by catabolism are used to syn¬ 

thesize more-complex biological molecules—carbohydrates, lipids, pro¬ 

teins, and nucleic acids—necessary for the health and growth of an 

organism. The synthesis reactions of metabolism are called anabolism. 

Unlike catabolism, which releases energy, anabolism uses energy. 

Figure 24.26 gives an overview of the relationship between catabolism 

and anabolism. Nutrients and unneeded cell components are degraded to 

simpler components by the reactions of catabolism. The oxidative reac¬ 

tions of catabolism yield energy captured in the formation of ATP. In 

anabolism, the products and the energy of catabolism are used to make new 

cell parts and compounds needed for cellular life and growth. You already 

know that energy produced by physical and chemical processes is of little 

value unless the energy can be captured to do work. If it is not captured, the 

energy is lost as heat. The chemical energy produced by catabolism must 

have some means of being used for the chemical work of anabolism. The 

ATP molecule is that means of transmitting energy. 

Amino acids Fatty acids 

Simple sugars Nucleotides ADP + P,->ATP+H20 

Intermediate 
carbon compounds 

Simple sugars . Nucleotides } ATP+H20 —»ADP+P, 

Catabolism 

Anabolism 
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The Nitrogen Cycle 
You have learned that the biological molecules taken into an organism’s 

body as nutrients in food are broken down during catabolism. Food con¬ 

tains carbohydrates, proteins, lipids, nucleic acids, vitamins, and minerals. 

These nutrients are composed mainly of carbon, hydrogen, and oxygen 

atoms. Many biological compounds, such as proteins, contain nitrogen as 

well. Although Earth’s atmosphere is 78% nitrogen gas, no animals and only 

a few plants can use this form of nitrogen to make nitrogen-containing 

compounds. However, certain bacteria can convert nitrogen gas into 

useable forms in a process called nitrogen fixation. Nitrogen-fbdng 

bacteria reduce atmospheric nitrogen (N2(g)) to ammonia (NH3(g)), a water- 

soluble form of nitrogen that can be used by plants. In soil and biological 

fluids, most ammonia is present as ammonium ions. 

Plants incorporate ammonia into biological nitrogen compounds such 

as proteins, nucleic acids, and ATP. Because animals cannot synthesize 

these compounds, they get them by eating plants or other animals that eat 

plants. When these plants and animals die, they decay with the aid of bac¬ 

teria. Decaying matter returns nitrogen to the soil as ammonia, nitrite ions 

(N02_), or nitrate ions (N03~). Moreover, some nitrogen gas is returned to 

the atmosphere. This flow of nitrogen between the atmosphere and Earth 

and its living creatures is the nitrogen cycle, shown in Figure 24.27. 

Figure 24.27 Nitrogen moves 

between the atmosphere and 
the biosphere in the nitrogen 

cycle. 

Denitrifying 
bacteria 

Lightning 

Ammonia (NH, 

Nitrite ions (N02 

Nitrite ions (NO, ) 

Atmospheric nitrogen 

Animal proteins and other 
compounds of nitrogen 

Biological fixation 
(nitrogen-fixing 

bacteria) 

Animal wastes, 
dead plants and animals 

Plant 
proteins 

Decay 
(putrefying bacteria) 
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Figure 24.28 The bumps on 
these plant roots contain 
bacteria, which live in a symbiotic 
relationship with the plant. The 
plant gets nitrogen in a form it 

can use, and the bacteria get 
food in the form of sugars that 
the plant makes during 

photosynthesis. 

Biological Nitrogen Fixation Nitrogen-fixing bacteria are of two 

types: free-living and symbiotic. Free-living bacteria lead an independent 

existence in soil. Symbiotic bacteria, such as Rhizobium, live in a mutually 

beneficial arrangement with plants. Symbiotic bacteria live in nodules on 

the roots of legumes, such as alfalfa, clover, peas, and beans. These root 

nodules are shown in Figure 24.28. Soil fertility can be improved by plowing 

nitrogen-rich legumes back into the ground instead of harvesting them. 

Industrial Nitrogen Fixation Modern agriculture uses an enormous 

quantity of nitrogen, which plays a role in the nitrogen cycle. For the past 

several years, the daily amount of atmospheric nitrogen fixed by industrial 

processes in the production of fertilizers has probably exceeded the 

amount fixed by living organisms in Earth’s forests and oceans. Nitrogen 

fertilizers enter the biosphere when they are taken up by plants. In addi¬ 

tion, a small amount of atmospheric nitrogen is fixed by lightning dis¬ 

charges, which produce the soluble nitrogen oxides (NO, N02, N204, N205). 

24.6 Section Assessment 

32. Key Concept What is the role of ATP in energy 

production and energy use in living cells? 

33. Key Concept What is the function of 

catabolism in the cells of living organisms? 

34. Key Concept Flow does anabolism make use 

of the products of catabolism? 

35. Key Concept What form of nitrogen is 

supplied to plants by nitrogen-fixing bacteria? 

36. Flow many moles of ATP are formed from the 

complete oxidation of 1 mol of glucose in a cell 

that uses oxygen? 

Writing Activity 

Explain a Process Review the diagram of the nitro¬ 

gen cycle in Figure 24.27. Write a paragraph that 
describes how nitrogen moves between the atmo¬ 

sphere and the biosphere. {Hint: Use atmospheric 
nitrogen as the starting point in your description of 
the process.) 

® 

^^Textbook 

Assessment 24.6 Test yourself 
on the concepts in Section 24.6. 

«. . with ChemASAP 
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Biomedical Implants 

Science, medicine, and technology have combined to create artificial 

limbs, artificial organs, and other parts for the human body. Some are 

mechanical devices, some have batteries, and some even contain 

computers. Scientists are developing replacement wrists and 

shoulders, researching ways to extend the life of implants, 

and creating sophisticated implants using 

robotics. Inferring What do you think 

would be considered desirable properties for 

the materials used to make a knee implant? 

Eye implants Small acrylic 

disks or rings reshape the eye 

to correct nearsightedness. 

Plastic or acrylic lens implants 

are used to treat patients with 

cataracts. 

Heart valve implants Heart 

valves control blood flow 
through the heart. Implants 

replace valves damaged by 

age or disease. 

Cochlear implants An 

external microphone picks up 

sound, and a mini-computer 

translates the sound into 

signals received by a device 

implanted in the inner ear. 

Knee implants Made 

of metal and plastic, 
the first implants used 

a hinge design. Newer 

models more closely 

emulate the complex 

movements of a knee. 

Arm implants Signals from 

muscles switch motors on or off to 

move the hand, wrist, or elbow. 

Researchers hope to develop arm 

implants that will respond directly 

to signals from the brain. 
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Study Guide 

Key Concepts 

® 24.1 A Strategy for Life 

• Two major cell types occur in nature: 
prokaryotic cells and eukaryotic cells. 

• Photosynthesis uses sunlight to reduce C02 
to compounds that contain C—H bonds, 
mainly in the form of glucose. 

<T^ 24.2 Carbohydrates 

• Glucose is abundant in plants and animals. 
• The cyclic forms of two simple sugars can be 

linked by means of a condensation reaction. 

<T^ 24.3 Amino Acids and Their Polymers 

• An amino acid has a carboxyl group, an amino 
group, a hydrogen atom, and an R group 
bonded to a central carbon atom. 

• Amide bonds between amino acids involve 
the amino and carboxyl groups, not side 
groups. 

• Differences in the amino acid sequence result 
in differences in the properties of peptides. 

• Enzymes increase reaction rates. 

24.4 Lipids 

• Unlike other biological molecules, lipids dis¬ 
solve readily in organic solvents. 

• In water, phospholipids spontaneously form 
a spherical double layer called a lipid bilayer. 

24.5 Nucleic Acids 

• DNA stores information needed to make 
proteins and governs the reproduction of 
cells. RNA transmits information stored in 
DNA during protein synthesis. 

• A sequence of three bases of DNA is required 
to specify one amino acid in a peptide. 

• Gene mutations occur when nucleotides in 
DNA are substituted, added, or deleted. 

• The variation in DNA forms the basis for 
identifying a person from biological samples. 

• In recombinant DNA technology, DNA is 
cleaved and a new piece of DNA is inserted. 

24.6 Metabolism 

• In living cells, ATP is the energy carrier 
between reactions that release and use 
energy. 

• The degradation of biological molecules dur¬ 
ing catabolism provides the energy and the 
building blocks for making new compounds. 

• In anabolism, new compounds needed for 
cellular life and growth are made from the 
products of catabolism. 

• Nitrogen-fixing bacteria reduce atmospheric 
nitrogen to ammonia. 

Vocabulary 

• active site (p. 772) 
• adenosine triphosphate (p. 786) 
• amino acid (p. 769) 
• anabolism (p. 788) 
• carbohydrates (p. 766) 
• catabolism (p. 787) 
• disaccharide (p. 767) 

Key Equations 

• enzymes (p. 772) 
• gene (p.780) 
• lipids (p. 775) 
• metabolism (p. 787) 
• monosaccharides (p. 766) 
• nucleic acids (p. 778) 
• nucleotides (p. 778) 
• peptide (p. 770) 

• peptide bond (p. 770) 
• phospholipids (p. 776) 
• photosynthesis (p. 764) 
• polysaccharides (p. 767) 
• protein (p. 770) 
• saponification (p. 776) 
• substrates (p. 772) 
• triglyceride (p. 775) 
• waxes (p. 777) 

• Photosynthesis: • Oxidation of glucose: 

6C02 + 6H20 + Energy-> C6Hi206 + 602 C6H1206 + 602-> 6C02 + 6EI20 + Energy 

Organizing Information 
Use these terms to construct a concept map 
that organizes the major ideas of this chapter. 

nor 
Textbook 

Concept Map 24 Solve the 
Concept Map with the help of 
an interactive guided tutorial. 

>-with ChemASAP 
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Assessment 

CHAPTER 

Reviewing Content 

24.1 A Strategy for Life 

37. What is the main difference between a prokary¬ 

otic and a eukaryotic cell? 

38. Explain what happens in photosynthesis. 

39. Write a balanced equation for the complete oxi¬ 

dation of glucose. 

40. Describe three organelles found in eukaryotic 

cells. Give a function of each organelle. 

24.2 Carbohydrates 

41. Name two important monosaccharides. 

42. Where in nature are glucose and fructose found? 

43. How does the carbonyl functional group differ in 

glucose and fructose? 

44. Which monosaccharides combine to form the 

disaccharide sucrose? 

45. What is the product of the complete hydrolysis of 

each of the following polysaccharides? 

a. starch 

b. glycogen 

46. What product is formed when cellulose is broken 

down? 

24.3 Amino Acids and Their Polymers 

47. What is the name given to the bond connecting 

two amino acids in a peptide chain? 

48. How many peptide bonds does the tripeptide 

Ser—Gly—Phe have? 

49. Describe two common patterns found in the 

folding of protein chains. 

50. Are the structures of the following two tri- 

peptides the same? Explain. 

a. Ala—Ser—Gly 

b. Gly—Ser—Ala 

51. Describe the function of an enzyme. 

52. What is an enzyme-substrate complex? How 

does it form? 

24.4 Lipids 

53. Distinguish between a fat and an oil. 

54. What is a triglyceride? 

55. What is a soap? 

56. Draw structural formulas for the products of the 

complete hydrolysis of tristearin. 

57. Draw a simple representation of a lipid bilayer. 

58. What two types of compounds combine to form 

a wax? 

59. What is the function of waxes in plants? In 

animals? 

24.5 Nucleic Acids 

60. What two types of nucleic acids do cells contain? 

61. What are the components of a nucleotide? 

62. What is the structural difference between the 

sugar unit in RNA and the sugar unit in DNA? 

63. What type of bonding helps hold a DNA double 

helix together? 

64. Which of the following base pairs are found in a 

DNA molecule: A—A, A—T, C—G, G—A, A—U, 

T—U? 

65. How many bases specify an amino acid in the 

genetic code? 

66. What are the consequences of a substitution of 

one base for another in DNA? 

67. What is the basis for identifying an individual by 

DNA fingerprinting? 

68. What is recombinant DNA? 

24.6 Metabolism 

69. Write an abbreviated, balanced equation for the 

hydrolysis of ATP to ADR 

70. Where do the complex biomolecules your body 

degrades during catabolism come from? 

71. Compare and contrast catabolism and 

anabolism. 

72. Describe the nitrogen cycle in your own words. 

73. What is the source of raw materials used in 

anabolic reactions? 

74. What is meant by industrial nitrogen fixation? 

What is produced during this process? 
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CHAPTER 

24 Assessment continued 

Understanding Concepts 

75. Some experts recommend that complex carbo¬ 

hydrates provide 50-55% of dietary Calories. 

What is the relationship between energy pro¬ 

duction and complex carbohydrates? 

76. The formula for palmitic acid is 

CH3(CH2)14C02H. A popular soap is mostly 

sodium palmitate. Draw a structural formula for 

sodium palmitate. 

77. Why are the hydrophilic heads located on the 

outsides of the cell membrane? 

78. Consider the following sequence of DNA: 

GCC-CCA-ACG-TTA. 

a. Using the code words for amino acids in 

Table 24.2 on page 781, write the amino acid 

sequence formed by translation of the DNA 

sequence into a peptide. 

b. What amino acid sequence would result from 

the substitution of adenine (A) for the second 

cytosine (C)? 

79. Identify or classify each of the following 

biological molecules. 

a. H OHHHHHHHHHHHHH 
I I! I I I I I I I I I I I I I 

H—c—o—c—c—c—c—c—c—c—c—c—c—c—c—c—c- 
I I I I I I I I I I I I I 
HHHHHHHHHHHHH 

OHHHHHHHHHHHHH 
II I I I I I I I I I I I I I 

H—c—o—c—c—c—c—c—c—c—c—c—c—c—c—c—c- 
I I I I I I I I I I I I I 
HHHHHHHHHHHHH 

OHHHHHHHHHHHHH 
II I I I I I I I I I I I I I 

H—c—o—c—c—c— c—c— c—c— c— c— c— c— c—c—c- 
I I I I I I I I I I I I I I 

H HHHHHHHHHHHHH 

b. CH2OH 
I 

H C—O H 

X?h?X 
HO c—C OH 

I I 
H OH 

C. H3C CH, 

CH R 
I I 

H—N—C—C—N—C—C—OH 
I I II I I II 

H H O H H O 

80. Use Table 24.2 on page 781 to write a base 

sequence for DNA that codes for the tripeptide 

Ala—Gly—Ser. Why might your answer be differ¬ 

ent from the answers of your classmates? 

81. A segment of a DNA strand has the following 

base sequence: CGATCCA. Write the base 

sequence that would be found on the other 

strand in the double helix. 

82. 

83. 

84. 

85. 

86. 

87. 

00 
00 

89. 
H H 1 i 1 1 
C—C—H 

1 1 
H H 90. 
H H 

1 1 
C— C—H 

1 1 
H H 

91. 

-X
 

-X
 92. 

i i 
c—c—H 1 i 1 1 
H H 

93. 

94. 

95. 

96. 

97. 

98. 

Which type of monomer produces each of the 

following polymers? 

a. protein 

b. polysaccharide 

c. nucleic acid 

What is one function of membrane proteins? 

Does every code word in DNA specify an amino 

acid in protein synthesis? Explain. 

What are some of the outcomes of recombinant 

DNA research? 

Why is it necessary to breathe deeply during 

vigorous exercise? 

The complete oxidation of glucose releases 

2.82 X 103 kj / mol of energy, and the formation of 

ATP from ADP requires 30.5 kj/mol. What percent 

of the energy released in the complete oxidation 

of glucose is captured in the formation of ATP? 

An average adult expends about 8400 kj of energy 

every day. How many moles of ATP must be con¬ 

verted to ADP to provide this amount of energy? 

Why can’t humans digest cellulose, considering 

that it is made of the same monomers as starch? 

How is an enzyme-substrate complex formed in 

the enzyme’s active site? 

What role do coenzymes play in metabolism? 

Suggest a reason why prokaryotic cells are 

thought to be more ancient than eukaryotic cells. 

What is the oxidation state of iron in each of the 

following? 

a. normal hemoglobin b. methemoglobon 

What is the consequence of this change in oxida¬ 

tion state? 

What are the possible consequences of an error 

in DNA sequence? 

Explain why photosynthesis might be considered 

the most important chemical process on Earth. 

Describe the differences among monosaccha¬ 

rides, disaccharides, and polysaccharides. Give 

examples of each type of carbohydrate. 

Describe how amino acids join to form a peptide 

bond. 

What is base-pairing? How does base-pairing 

relate to the structure of DNA? 
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Critical Thinking Concept Challenge 

99. You may know that freshly picked corn is sweeter 

than corn that has been picked and stored for 

several days. This is because the stored corn 

contains less sugar than the freshly picked corn. 

About half of the sugar in fresh-picked corn has 

been converted to starch only one day after the 

corn has been picked. The sweetness of corn can 

be preserved by “blanching” the ears—dipping 

the ears of corn into boiling water for a few 

minutes, then cooling them in cold water. Corn 

that has been blanched and then frozen main¬ 

tains its sweetness for a long time. Propose a 

biochemical reason why blanching corn main¬ 

tains its sweetness. 

100. Interpret this statement: “Carbon dioxide is an 

energy-poor molecule, but glucose is an 

energy-rich molecule.” 

101. In the DNA double helix, where are the base 

pairs located in relation to the backbone struc¬ 

ture: inside the double helix, or outside the dou¬ 

ble helix? What must happen before the protein¬ 

making machinery of the cell can “read” the 

code words formed by the DNA bases? 

102. Which type of gene mutation do you think will 

do more damage to an organism: a substitution 

mutation in which one base is substituted for 

another base, or an addition mutation in which 

a base is added to a sequence of bases? Explain. 

103. Suggest a reason why a bean plant might not 

grow well if planted in sterilized soil. 

104. What class of polymer is formed from each of 

the following monomers? 

a. amino acids b. monosaccharides 

c. nucleotides 

105. Complete the following equation by drawing 

the structural formulas of the products. 

ch2oh 

H C- -0 H 

\/ii \ / 
c n 

A?H 
„ C 

?/\ 
HO C —C OH 

1 
H OH 

CH2OH 
I /Ox 

HO 
_Ah H 

I I 
OH H 

f\ 

H 

CH?OH 

106. Compare the structure of a DNA nucleotide 

with an RNA nucleotide. 

107. Write a possible DNA sequence that codes for a 

polypeptide with the following amino acids: 

histidine-cysteine-glycine-arginine-proline. 

Is it possible for a mutation to occur in which 

there is a substitution of one of the last three 

bases with no effect on the amino acids present 

in the chain? 

108. Describe the structural features all amino acids 

have in common. What structural features 

differ among the amino acids? 

109. Using structural formulas, write a chemical 

equation for the formation of a dipeptide from 

two amino acids. What functional group does 

the reaction create? 

110. Explain why cell growth stops when the dietary 

intake of nutrients is insufficient. 

111. The following compound is hydrolyzed by boil¬ 

ing with sodium hydroxide. What are the 

saponification products? 

O 
II 

CH2-0-C-(CH2)14CEI3 

o 
II 

CH O — C — (CH2)12CH3 

o 
II 

CH2-0-C-(CH2)16CH3 

112. What causes the spontaneous formation of a 

lipid bilayer? 

113. Peptide chains fold and bend into three- 

dimensional shapes. Suggest how a peptide 

chain is held in this 3-D shape. 

114. A sequence of nine bases in a gene codes for 

the amino acid sequence Trp-Met-Met. What is 

the sequence of bases in this DNA fragment? 

Use Table 24.2 on page 781 to help you. Could 

you determine the base sequence for certain if 

the amino acid sequence were Trp-Met-Leu? 

Why or why not? 
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CHAPTER 

24 Assessment continued 

Cumulative Review 

115. Describe two factors that cause real gases to 

depart from the ideal gas law. (Chapter 14) 

116. Characterize these compounds as electrolytes 

or nonelectrolytes. (Chapter 15) 

a. NaCl 

b. CuS04 

c. CC14 

d. H20 

117. Calculate the boiling-point elevation for these 

aqueous solutions. (Chapter 16) 

a. 0.507m NaCl 

b. 0.204m NH4C1 

c. 0.155m CaCl, 

d. 0.222 m NaHS04 

118. How much heat (in kj) is released or absorbed 

when 0.265 mol of sodium bicarbonate is 

decomposed according to the following 

reaction? (Chapter 17) 

2NaHC03(s)-^Na2C03(5) + H20(g) + C02(g) 

A H= 129 kj 

119. Explain why the needles on a dried out hr tree 

can burn with almost explosive rapidity. 

(Chapter 18) 

120. What must be true at the end point of an acid- 

base titration? (Chapter 19) 

121. Calculate the pH of each of the following solu¬ 

tions. (Chapter 19) 

a. [H+] = 7.0 X 10~5M 

b. [OH“l = 1.8 X 10-9M 

c. [OHH = 6.1 X 10-2M 

d. [H+] = 4.4 X 1CTUM 

122. Identify the oxidizing agent in each reaction. 

(Chapter 20) 

a. xenon + fluorine-> xenon tetrafluoride 

b. sulfur + oxygen-> sulfur trioxide 

c. gaseous chlorine + aqueous sodium 

bromide-> aqueous bromine + aqueous 

sodium chloride 

123. At which electrode in a voltaic cell does oxida¬ 

tion always occur? What is the charge on this 

electrode? (Chapter 21) 

124. What would you observe when a length of 

nickel wire is immersed in an aqueous solution 

of silver nitrate? (Chapter 21) 

125. For each pair of metals shown below, decide 

which metal is more readily reduced. (Chapter 21) 

a. Cu, Mg b. Cd, Ni c. Ag, Sn 

d. Zn, Fe e. Ni, Cd f. Al, Cu 

126. Write a molecular structure for each compound. 

(Chapter 22) 

a. heptane b. 2-methyl-3-hexene 

c. 2-phenylbutane d. 1,3-diethylbenzene 

127. Give the IUPAC name for these compounds. 

(Chapter 23) 

CH, 

H2C CH, 
\ / 

h2c— ch2 

c. H H H H 
II II 

H—C—C—C—C—C—H 
I I II I I 

H H O H H 

b. H 
I 

H H—C—H H 
I I I 

H—C-C-C—H 
I I I 

H OH H 

128. Name the next highest homolog of each of 

these compounds. (Chapter 22) 

a. 1-butene b. cyclooctane 

c. pentane d. nonane 

129. Name the four structural isomers of C4H9C1. 

(Chapter 23) 

130. Write a molecular formula for each compound. 

(Chapter 23) 

a. methyl acetate b. butanal 

c. 2-hydroxypropanoic acid d. 2-butanone 

131. Name each polymer and state at least one of its 

uses. (Chapter 23) 

a. —(CF2—CF2H- b. H -(CH2—CH2)-H 

c. mch2 —CHj- 
X 

d.—(CH2—CHF- 
X 

132. Capsaicin, shown below, is the major contribu¬ 

tor to the heat of chili peppers. Circle and name 

the functional groups in capsaicin. (Chapter 23) 

O 
II 

CH2NHC(CH2)4CH=CHCH(CH3) 
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Standardized Test Prep 

Test-Taking Tip 

Anticipating the Answer You can sometimes 

figure out the answer to a question before you 

look at the answer choices. Try to answer the 

question in your mind before you look at the 

answer choices. Then read the choices and 

choose the choice that agrees with the answer in 

your mind. 

Select the choice that best answers each question or 

completes each statement. 

1. What phrase best describes ATP? 

a. energy producer b. energy consumer 

c. energy transmitter d. energy pump 

2. Which element is not found in amino acids? 

a. phosphorus b. nitrogen c. carbon 

d. oxygen e. hydrogen 

3. For any enzyme to function, the substrate must 

bind to the 

a. product. b. cofactor, 

c. active site. d. peptide. 

Use the paragraph to answer Questions 4-6. 

Because an amino acid contains both a carboxyl 

group and an amino group, it is amphoteric, that is, 

it can act as either an acid or a base. Crystalline 

amino acids have some properties—relatively high 

melting points and high water solubilities—that are 

more characteristic of ionic substances than of 

molecular substances. 

4. Write an equation showing glycine acting as an 

acid in a reaction with water. (Glycine is the sim¬ 

plest amino acid. Its side chain R = H.) 

5. Write an equation showing glycine acting as a 

base in a reaction with water. 

6. It is possible for glycine to undergo an internal 

Bronsted-Lowry acid-base neutralization reac¬ 

tion. Write the resulting structural formula. 

Explain how this reaction would account for the 

ionic properties of glycine. 

Use the photo to answer Question 7. 

II • 0 I si 
II Nil S2 

I 90 Mi E(VS) 

7. The photo shows three DNA fingerprints. The 

DNA in sample E was taken from a crime scene. 

The DNA in samples SI and S2 were taken from 

suspects. Based on the DNA evidence, which 

suspect did not commit the crime? 

For Questions 8-11, name the category of organic 

compounds most closely identified with each biologi¬ 

cal molecule. 

8. proteins 9. nucleic acids 

10. lipids 11. carbohydrates 

Use these models to answer Question 12. 

12. Glycine can form hydrogen bonds with water. 

Draw a glycine molecule with at least two water 

molecules bonded to each end. 

For each question there are two statements. Decide whether each statement 

is true or false. Then decide whether Statement II is a correct explanation for 

Statement I. 

Statement I 

13. Lipids tend to be insoluble in water. 

14. Starch and cellulose are both digestible by 

most organisms. 

15. Many of the reactions in catabolism are 

oxidation reactions. 

Statement II 

BECAUSE Lipids have mainly nonpolar bonds. 

BECAUSE Glucose is the monomer in both starch and 

cellulose. 

BECAUSE Oxidation reactions tend to be energy- 

producing reactions. 
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CHAPTER 

Simulating Radioactive Decay 

Materials 

a container, a lid, 128 pennies, a flat table or desk surface, 

a scientific calculator, loose-leaf paper, graph paper, pen 

or pencil 

Procedure 

1. Make a two-column data table with the headings 

"Trial" and "Number of heads." 

2. Put T28 pennies in the container and shake them. 

3. Carefully pour the pennies onto a flat surface. 

4. Pick up, count, and set aside those pennies that are 

turned heads up. In the table, enter the number of 

heads for Trial 1. 

5. Return the remaining pennies (those that were 

tails) to the container and repeat Steps 3-5 for a 

total of five trials. 

6. If time permits, repeat the entire experiment four 

more times and find the average of your data or 

the data collected by the class. 

Think About It 

1. Prepare a graph of the number of heads (y-axis) 

versus the trial number (x-axis). Is the result a 

straight line or a curve? Add a third column titled 

"Log of number of heads" to the data table, and 

use your calculator to complete the table. 

2. Prepare a graph of the data in Column 3 (y-axis) 

versus trial number (x-axis). Is the result a straight 

line or a curve? 



25.1 Nuclear Radiation 
' 

Connecting to Your World .. . r . D . , 
J Marie Curie was a Polish 

scientist whose research led to many discoveries about radiation and 

radioactive elements. In 1903 she and her husband Pierre, along with 

Antoine Henri Becquerel, won the Nobel Prize in 

physics for their work on radioactivity. She was 

also awarded the Nobel Prize in chemistry 

in 1911 for her research on radioactive 

elements. Marie Curie's research was 

essential to understanding and using newly 

discovered radioactive elements. In 1934 

she died from leukemia caused by her 

long-term exposure to radiation. In this 

section, you will learn about the various types 

of radiation and their effects. 

Radioactivity 
In 1896, the French chemist Antoine Henri Becquerel (1852-1908) made an 

accidental discovery. He was studying the ability of uranium salts that had 

been exposed to sunlight to fog photographic film plates. During bad 

weather, Becquerel could not expose the sample to sunlight, but happened 

to leave it on top of the photographic plate. When he developed the plate, 

he discovered that the uranium salt still fogged the plate. At that time, two 

of Becquerel’s associates were Marie Curie (1867-1934) and Pierre Curie 

(1859-1906). The Curies were able to show that rays emitted by the ura¬ 

nium atoms caused the fogging of the plates. Marie Curie named the pro¬ 

cess by which materials give off such rays radioactivity. The penetrating 

rays and particles emitted by a radioactive source are called radiation. 

Nuclear reactions, which account for radioactivity", differ from chemi¬ 

cal reactions in a number of important ways. In chemical reactions, atoms 

tend to attain stable electron configurations by losing electrons or sharing 

electrons. In nuclear reactions, the nuclei of unstable isotopes, called 

radioisotopes, gain stability by undergoing changes. These changes are 

always accompanied by the emission of large amounts of energy. Unlike 

chemical reactions, nuclear reactions are not affected by changes in tem¬ 

perature, pressure, or the presence of catalysts. They are also unaffected by 

the compounds in which the unstable isotopes are present. The nuclear 

reactions of a given radioisotope cannot be speeded up, slowed down, or 

turned off. 

(^Checkpoint) What is radiation? 

Guide for Reading 

Key Concepts 

• How does an unstable nucleus 

release energy? 

• What are the three main types 

of nuclear radiation? 

Vocabulary 
radioactivity 

radiation 

radioisotopes 

alpha particle 

beta particle 

gamma ray 

Reading Strategy 
Relating Text and Visuals As 

you read about types of radiation, 

look at Figure 25.1. List how the 

positive, negative, or neutral elec¬ 

tric charge of each type of radia¬ 

tion, as described in the text, 

is related to how the radiation 

is deflected as it passes by 

the charged plates. 
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The discovery of radioactivity disproved Dalton’s assumption that 

atoms are indivisible. A radioactive atom, or radioisotope, undergoes dras¬ 

tic changes as it emits radiation. These radioisotopes have unstable nuclei. 

The stability of a nucleus depends on the ratio of neutrons to protons in the 

nucleus, and on the overall size of the nucleus. Too many or too few neu¬ 

trons relative to the number of protons makes a nucleus unstable. An 

unstable nucleus releases energy by emitting radiation during the process of 

radioactive decay. Unstable radioisotopes of one element are transformed 

into stable (nonradioactive) isotopes of a different element. Radioactive 

decay is spontaneous and does not require any input of energy. 

Types of Radiation 
Radiation is emitted during radioactive decay. The three main types of 

nuclear radiation are alpha radiation, beta radiation, and gamma radiation. 

Table 25.1 summarizes the characteristics of these three types of radiation. 

The different types of radiation can be separated by an electric field as 

shown in Figure 25.1. 

Alpha Radiation The type of radiation called alpha radiation consists of 

helium nuclei that have been emitted from a radioactive source. Each of these 

emitted particles, called an alpha particle, contains two protons and two 

neutrons and has a double positive charge. In nuclear equations, an alpha 

particle is written (}He or a. The electric charge symbol is generally omitted. 

The radioisotope uranium-238 releases alpha radiation and is trans¬ 

formed into another radioisotope, thorium-234. Figure 25.2a illustrates 

this process. 

Figure 25.1 These three types of 

radiation deflect differently as 
they pass between a pair of 

electrically charged plates. Alpha 
particles (a) and beta particles ((3) 
are deflected in opposite 

directions—alpha particles 
toward the negative plate 
and beta particles toward the 

positive plate. Gamma rays 
are undeflected. Applying 
Concepts Why are gamma 
rays not deflected? 

000 Radioactive 
2 u-► 

decay 
234 Th 90 111 + jHe [a emission) 

Uranium-238 Thorium-234 Alpha 
particle 

Note that this nuclear equation is balanced. The sum of the mass num¬ 

bers (superscripts) on the right equals the sum on the left. The same is true 

for the atomic numbers (subscripts). 

When an atom loses an alpha particle, the atomic number of the product 

atom is lower by two and its mass number is lower by four. Because of their 

large mass and charge, alpha particles do not tend to travel veiy far and are not 

very penetrating. A sheet of paper or the surface of your skin easily stops them. 

Fiowever, radioisotopes that emit alpha particles are dangerous when ingested. 

The particles do not have to travel far to penetrate soft tissue and cause damage. 

Lead block 

Radioactive source 

Aligning slot 
Alpha particles 
(positive charge) 

Gamma rays 
(no charge) 

Beta particles 
(negative charge) 
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Table 25.1 

Characteristics of Some Types of Radiation 

Property Alpha radiation Beta radiation Gamma radiation 

Composition Alpha particle 

(helium nucleus) 

Beta particle 

(electron) 

High-energy electro¬ 

magnetic radiation 

Symbol ot^He A °e 7 

Charge 2 + 1- 0 

Mass (amu) 4 1/1837 0 

Common 

source 

Radium-226 Carbon-14 Cobalt-60 

Penetrating 

power 

Low (0.05 mm 

body tissue) 

Moderate (4 mm 

body tissue) 

Very high (penetrates 

body easily) 

Shielding Paper, clothing Metal foil Lead, concrete 

(incompletely shields) 

Beta Radiation An electron resulting from the breaking apart of a neutron 

in an atom is called a beta particle. The neutron breaks apart into a proton, 

which remains in the nucleus, and a fast-moving electron, which is released. 

>-> \H + _°e 

Neutron Proton Electron 
(beta particle) 

The symbol for the electron has a subscript of -1 where the atomic 

number would be written. This represents the electron’s negative charge. 

The superscript 0 where a mass number would be written represents the 

extremely small mass of the electron compared to that of a proton. 

Carbon-14 emits a beta particle as it undergoes radioactive decay to 

form nitrogen-14. Figure 25.2b shows this beta emission. 

X|C -> + _°e (j8 emission) 

Carbon-14 Nitrogen-14 Beta 
(radioactive) (stable) particle 

The nitrogen-14 atom has the same atomic mass number as carbon-14, but 

its atomic number has increased by 1. It contains an additional proton and 

one fewer neutron. The nuclear equation is balanced. 

Q Alpha decay 
Alpha particle 

U 
Th 

© Beta decay 

Beta particle 

Figure 25.2 Radiation is emitted 

during radioactive decay. 
© Uranium-238 undergoes 
alpha decay to form thorium-234. 

© Carbon-14 undergoes beta 
decay to form nitrogen-14. 
Interpreting Diagrams What 
particle is emitted in each decay 

process? 
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Figure 25.3 Because of their 

large mass and charge, alpha 
particles (red) are the least 
penetrating of the three main 

types of radiation. Gamma rays 
(black) have no mass or charge 

and are the most penetrating. 

A beta particle has less charge than an alpha particle and much less 

mass than an alpha particle. Consequently, beta particles are more pene¬ 

trating. Beta particles can pass through paper but are stopped by alumi¬ 

num foil or thin pieces of wood. 

Gamma Radiation A high-energy photon emitted by a radioisotope is 

called a gamma ray. The high-energy photons are electromagnetic radia¬ 

tion. Nuclei often emit gamma rays along with alpha or beta particles dur¬ 

ing radioactive decay. The following example demonstrates this process. 

2l°0 Th -> 28sRa + |He + y 
Thorium-230 Radon-226 Alpha Gamma 

particle ray 

Because gamma rays have no mass and no electrical charge, the emis¬ 

sion of gamma radiation does not alter the atomic number or mass number 

of an atom. Gamma rays are extremely penetrating and can be very danger¬ 

ous. Gamma rays pass easily through paper, wood, and the human body. 

They can be stopped, although not completely, by several meters of con¬ 

crete or several centimeters of lead, as shown in Figure 25.3. 

25.1 Section Assessment 

1. Key Concept How does an unstable nucleus 

release energy? 

2. Key Concept What are the three main types of 

nuclear radiation? 

3. What part of an atom undergoes change during 

radioactive decay? 

4. How is the atomic number of a nucleus changed 

by alpha decay? By beta decay? By gamma decay? 

5. How is the atomic mass number of a nucleus 

changed by alpha decay? By beta decay? By 

gamma decay? 

6. Which of the three kinds of radiation described in 

this section is the most penetrating? 

Connecting x Concepts 

Connecting Concepts Refer back to the rules for 
balancing chemical equations introduced in Section 

11.1. An equation for radioactive decay has different 
nuclei appearing on each side of the yields sign so 

the atoms cannot be balanced. What two items must 
be balanced to achieve a balanced equation for 

radioactive decay? 

o 

r 
^ Textbook 

Assessment 25.1 Test 
yourself on the concepts in 
Section 25.1. 

>— .with ChemASAP 
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Nuclear Transformations 

Connecting to Your World ... . . . 
^ Weather stripping and insula¬ 

tion help lower heating and cooling bills by conserving energy.They can, 

however, reduce the exchange of indoor and outdoor air. As a result, 

radioactive substances such as radon gas can accu¬ 

mulate indoors and pose a health risk. Radon-222 

is a radioactive isotope that is present naturally 

in the soil in some areas. It has a constant rate 

of decay. In this section, you will learn about 

decay rates of radioactive substances. 

Nuclear Stability and Decay 
All nuclei, except those of hydrogen atoms, consist of neutrons and two or 

more protons. If a force did not hold these subatomic particles together, 

the like-charged protons would repel one another and fly apart. The 

nuclear force is an attractive force that acts between all nuclear particles 

that are extremely close together, such as protons and neutrons in a 

nucleus. At these short distances, the nuclear force dominates over electro¬ 

magnetic repulsions and holds the nucleus together. 

More than 1,500 different nuclei are known. Of those, only 264 are sta¬ 

ble and do not decay or change with time. The stability of a nucleus 

depends on the neutron-to-proton ratio. Figure 25.4 shows a graph of 

number of neutrons vs. number of protons for all known stable nuclei. 

These nuclei are in a region called the band of stability. For elements of low 

atomic number (below about 20), this ratio is about 1. Above atomic num¬ 

ber 20, stable nuclei have more neutrons than protons. 

Guide for Reading 

<^ Key Concepts 
• What determines the type of 

decay a radioisotope 
undergoes? 

• How much of a sample of a 
radioisotope remains after each 
half-life? 

• What are two ways that 
transmutation can occur? 

Vocabulary 
nuclear force 

band of stability 

positron 

half-life 

transmutation 

transuranium elements 

Reading Strategy 
Building Vocabulary Before you 
read, make a list of the vocabulary 
terms above. As you read the sec¬ 
tion, write a definition of each 
vocabulary term in your own 
words. 

Number of Neutrons vs. Number of Protons for Stable Nuclei 

Stable Nuclei 

Figure 25.4 A neutron-versus- 
proton plot of all stable nuclei 
forms a pattern called the band 
of stability (shown in red). 

INTERPRETING GRAPHS 

a. Identify What do the dots on 
the graph represent? 
b. Apply Concepts What is the 
approximate ratio of neutrons to 
protons for neodymium, whose 
atomic number is 60? 
c. Describe How does the 
neutron-to-proton ratio change 
as the number of protons 
increases? 
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Table 25.2 

Decay Processes 

Beta Emission 

“Cu --* |Zn + _°e 

-> *|N + „°e 

Electron Capture 

|gNi + _°e -» 27^0 

fgAr + -» jyCl 

Positron Emission 

ijB -> »Be + +°e 

’gO -» “N + +°e 

Alpha Emission 

2ggRa -* 2ggRn + 2He 

29oTh -> 22pta + fHe 

A nucleus may be unstable and undergo spontaneous radioactive 

decay for several reasons. The neutron-to-proton ratio determines the 

type of decay that occurs. Some nuclei have too many neutrons relative to 

the number of protons. These nuclei decay by turning a neutron into a pro¬ 

ton to emit a beta particle (an electron) from the nucleus. 

Jn -> }H + _°e 

This process is known as beta emission. It increases the number of protons 

while decreasing the number of neutrons. Table 25.2 shows examples of 

beta emission. 

Other nuclei are unstable because they have too few neutrons relative 

to the number of protons. These nuclei increase their stability by convert¬ 

ing a proton to a neutron. An electron is captured by a nucleus during this 

process of electron capture. 

A positron is a particle with the mass of an electron but a positive 

charge. During positron emission, a proton changes to a neutron. 

All nuclei that have an atomic number greater than 83 are radioactive. 

These nuclei have both too many neutrons and too many protons to be sta¬ 

ble. Therefore they undergo radioactive decay. Most of them emit alpha 

particles. Alpha emission increases the neutron-to-proton ratio, which 

tends to increase the stability of the nucleus. In alpha emission the mass 

number decreases by four and the atomic number decreases by two. 

If all the masses in a nuclear- reaction were measured accurately enough, 

you would find that mass is not conserved. An extremely small quantity of mass 

is converted into energy released in radioactive decay. 

Half-Life 
Every radioisotope has a characteristic rate of decay measured by its half- 

life. A half-life (f1/2) is the time required for one-half of the nuclei of a radio¬ 

isotope sample to decay to products, as shown in Figure 25.5. After 

each half-life, half of the existing radioactive atoms have decayed into 

atoms of a new element. 

Figure 25.5 This decay curve 
shows that during each half-life, 
half of the radioactive atoms 

decay into atoms of another 
element. 

INTERPRETING GRAPHS 

a. Identify What percent of 
the atoms remains after 1 
half-life? 

b. Describe What percent of 
the atoms remains after two 

half-lives? 

c. Apply Concepts Approxi¬ 
mately how many half-lives 
does it take for 12.5% of the 

radioisotope to remain? 

Decay Curve for a Radioactive Element 

Number of half-lives 
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Table 25.3 ^ 

Half-Lives and Radiation of Some Naturally Occurring 
Radioisotopes 

Isotope Half-life Radiation emitted 

Carbon-14 5.73 X 103 years /3 

Potassium-40 1.25 x 109 years /3,y 

Radon-222 3.8 days a 

Radium-226 1.6 x 103 years a,y 

Thorium-234 24.1 days P,y 

Uranium-235 7.0 x 108 years a,y 

Uranium-238 4.46 x 109 years a 

r ; 
rGo inline 
-*SBSC/ws 
For: Links on 

Radioactive Dating 
Visit: www.scilinks.org 
Web Code: cdn-1252 

Half-lives can be as short as a fraction of a second or as long as billions 

of years. Table 25.3 shows the half-lives of some radioisotopes that occur in 

nature. Scientists use the half-lives of some radioisotopes found in nature 

to determine the age of ancient artifacts. Many artificially produced radio¬ 

isotopes have short half-lives, which is useful in nuclear medicine. The 

short-lived isotopes are not a long-term radiation hazard to the patient. 

One isotope that has a long half-life is uranium-238. Uranium-238 

decays through a complex series of radioactive isotopes to the stable iso¬ 

tope lead-206. Figure 25.6 illustrates this process. The age of uranium- 

containing minerals can be estimated by measuring the ratio of uranium- 

238 to lead-206. Because the half-life of uranium-238 is 4.5 x 109 years, it is 

possible to use its half-life to date rocks as old as the solar system. 

Checkpoint) What is the half-life of carbon-14? 

Textbook 
Simulation 30 Simulate the 
decay of several isotopes. 

_with ChemASAP 

a 

a P,y P,y 

3 min 

a 

a 

1.6 x10'4s 

22 yr P-y 

Stable isotope 

Figure 25.6 Uranium-238 
decays through a complex series 

of radioactive intermediates, 
including radon (Rn) gas. 

Interpreting Diagrams What 
is the stable end product of this 
series? 
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Figure 25.7 This archaeologist is 
digging for artifacts. The age of an 

artifact can often be determined 
from its measured carbon-14 

content. 

Handbook 

For help with scientific 
notation, go to page R56 
of the Math Flandbook. 

Textbook 

Problem-Solving 25.7 
Solve Problem 7 with the help of 
an interactive guided tutorial. 

_with ChemASAP 

Scientists often find the age of an object that was once part of a living 

system by measuring the amount of carbon-14 (1|C) it contains. Carbon-14 

has a half-life of 5730 years. Most of Earth’s carbon, however, consists of 

the more stable isotopes 12C and X|C. The ratio of to the other carbon 

isotopes in the environment is fairly constant because high-energy cosmic 

rays from space constantly produce 'gC in the upper atmosphere. Plants 

grow by producing sugars, cellulose, and other compounds from carbon 

dioxide in the atmosphere. Animals grow by eating the plants, and some¬ 

times other animals. This keeps the ratio of carbon-14 to other carbon iso¬ 

topes constant during any living organism’s lifetime. When an organism 

dies, it stops exchanging carbon with the environment and its radioactive 

atoms decay without being replaced. Therefore, the ratio of to sta¬ 

ble carbon in the remains of an organism changes in a predictable way that 

enables the archaeologist in Figure 25.7 to obtain an estimate of its age. 

SAMPLE PROBLEM 25.1 

Using Half-lives in Calculations 
Carbon-14 emits beta radiation and decays with a half-life (f1/2) of 5730 

years. Assume you start with a mass of 2.00 x 10~12g of carbon-14. 

a. How long is three half-lives? 

b. How many grams of the isotope remain at the end of three half-lives? 

Analyze List the knowns and the unknowns. 

Knowns Unknowns 

• tU2 = 5730 years • 3 half-lives = ? years 

• initial mass 2.00 x 10-12 g • mass after 3 half-lives = ? g 

• number of half-lives = 3 

First, calculate the time for three half-lives by multiplying the length of 

each half-life by three. Find the mass remaining by multiplying the 

original mass by \ three times. 

Calculate Solve for the unknowns. 

a. 3 half-lives = 3 x 5730 years = 17,190 years 

b. The initial mass of carbon-14 is reduced by one half for each of the 

three half-lives, so for three half-lives 

Remaining mass = 2.00 X 10 12g X 1 x 1 x 1 = 0.250 X 10~12g 

Evaluate Do the results make sense? 

The mass of carbon-14 after three half-lives should be much lower 

than the original mass. The final answer has the proper units and the 

proper number of significant figures. 

Practice Problems 

7. Manganese-56 is a beta emitter 

with a half-life of 2.6 h. What is 

the mass of manganese-56 in a 

1.0-mg sample of the isotope at 

the end of 10.4 h? 

8. A sample of thorium-234 has 

a half-life of 24.1 days. Will all 

the thorium undergo radio¬ 

active decay in 48.2 days? 

Explain. 
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Transmutation Reactions 
The conversion of an atom of one element to an atom of another element is 

called transmutation. There are at least two ways transmutation occurs. 

Transmutation can occur by radioactive decay. Transmutation can also 

occur when particles bombard the nucleus of an atom. The bombarding par¬ 

ticles may be protons, neutrons, or alpha particles. 

Many transmutations occur in nature. The production of carbon-14 

from naturally occurring nitrogen-14, for example, takes place in the upper 

atmosphere. Another naturally occurring isotope, uranium-238, undergoes 

14 transmutations before reaching a stable isotope. Many other transmuta¬ 

tions are done in laboratories or in nuclear reactors. The earliest artificial 

transmutation was performed in 1919 by Ernest Rutherford (1871-1937). 

He bombarded nitrogen gas with alpha particles to produce an unstable 

isotope of fluorine. The results of this reaction are shown in Figure 25.8. 

The first step of the reaction forms fluorine-18. 

“N + |He -> 'gF 
Nitrogen-14 Alpha Fluorine-18 

particle 

The fluorine isotope quickly decomposes to a stable isotope of oxygen and 

a proton. 

IF —* + }H 
Fluorine-18 Oxygen-17 Proton 

Rutherford’s experiment eventually led to the discovery of the proton. 

James Chadwick's discovery of the neutron in 1932 also involved a trans¬ 

mutation experiment. Neutrons were produced when beryllium-9 was 

bombarded with alpha particles. 

■jBe + 42He -> X§C + Jn 
Beryllium-9 Alpha Carbon-12 Neutron 

particle 

(^Checkpoint) What is transmutation? 

2 He u7N 

L
l- 

oo CD 

Alpha Nitrogen Unstable 
particle nucleus fluorine 

+ —* # 

Figure 25.8 The first artificial transmutation 
reaction involved bombarding nitrogen gas with 

alpha particles, as illustrated here, interpreting 
Diagrams What particles were formed? 

;h 
Proton 
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The elements in the periodic table with atomic numbers 

above 92, the atomic number of uranium, are called the trans¬ 

uranium elements. All the transuranium elements undergo 

transmutation. None of them occurs in nature, and all of them 

are radioactive. These elements have been synthesized in 

nuclear reactors and nuclear accelerators. Accelerators like the 

one in Figure 25.9 accelerate bombarding particles to very high 

speeds, while reactors produce beams of low-energy particles. 

When uranium-238 is bombarded with relatively slow neu¬ 

trons from a nuclear reactor, some uranium nuclei capture 

neutrons to produce uranium-239. 

2iU + >n-► 2!U 

Uranium-239 is radioactive and emits a beta particle. The 

product is an isotope of the artificial radioactive element nep¬ 

tunium (atomic number 93). 

Figure 25.9 Fermilab is a major 
accelerator center located in 

Batavia, Illinois. The main 
accelerator is a ring that has a 

radius of 1.0 km. 

2|U -» 2|Np + _°e 

Neptunium is unstable and decays, emitting a beta particle, 

to produce a second artificial element, plutonium (atomic 

number 94). 

2gjjNp -* 2g^PU + „°e 

Plutonium and neptunium are both transuranium elements and do not 

occur in nature. Scientists in Berkeley, California synthesized these first 

artificial elements in 1940. Since that time, more than 20 additional trans¬ 

uranium elements have been produced artificially. 

25.2 Section Assessment 

9. Key Concept What determines the type 

of decay a radioisotope will undergo? 

10. Key Concept How much of a sample of radio¬ 

isotope remains after one half-life? After two 

half-lives? 

11. Key Concept What are two ways that trans¬ 

mutation can occur? 

12. Complete and balance the equations for the fol¬ 

lowing nuclear reactions. 

a. 22A1 + ^He -» 2°Si + ? 

b. 2«Bi -► ^He + ? 

c. 22Si -» _°e + ? 

d. “Ql -> “Zn + ? 

13. A radioisotope has a half-life of 4 days. How much 

of a 20-gram sample of this radioisotope remains 

at the end of each time period? 

a. 4 days 

b. 8 days 

14. The mass of cobalt-60 in a sample is found to 

have decreased from 0.800 g to 0.200 g in a 

period of 10.5 years. From this information, 

calculate the half-life of cobalt-60. 

Writing Activity 

Research the methods used to date materials such as 

pottery, coral, and stone. Prepare a written report 
that summarizes your findings on the radioisotopes 

used, their half-lives, and their limitations. 

@ 

^Textbook 
Assessment 25.2 Testyourself 
on the concepts in Section 25.2. 

_with ChemASAP 

808 Chapter 25 



Trial Number Number 
# of flips of heads 

Radioactivity and Half-Lives 

Purpose 

To simulate the transformation of a radioactive isotope 

over time and to graph the data and relate it to radioactive 

decay and half-lives. 

Materials 

• pencil 

• ruler 

• penny 

• paper 

• graph paper 

Procedure 
On a sheet of paper, make a data table similar to the one 

below. For trial number 1, flip a penny 100 times and, in 

your grid, record the total number of heads that result. 

Now flip the penny the same number of times as the 

number of heads that you obtained in the first 100 flips. 

Record the total number of flips and the number of heads 

that result. Continue this procedure until you obtain no 

more heads. 

Analyze 
Using your experimental data, record the answers to the 

following questions below your data table. 

1. Use graph paper to plot the number of flips (y-axis) 

versus the trial number (x-axis). Draw a smooth line 

through the points. 

2. Examine your graph. Is the rate of the number of heads 

produced over time linear or nonlinear? Is the rate 

constant over time or does it change? 

3. Why does each trial reduce the number of heads by 

approximately one-half? 

4. A half-life is the time required for one-half of the atoms 

of a radioisotope to emit radiation and to decay to 

products. What value represents one half-life for the 

process of flipping coins? 

1 100 

2 

3 fob 
VCE ff,be nce 
p*1 

5 ONI X 
6 

7 

You're The Chemist 
The following small-scale activities allow you to develop 

your own procedures and analyze the results. 

1. Design It! Design and carry out an experiment using a 

single die to model radioactive decay. Plot your data. 

2. Analyze It! Many radioisotopes undergo alpha decay. 

They emit an alpha particle (helium nucleus ^He). For 

example, 

222Rn -^ 218p0 , 4ue 
86n 84ru T 2nc 

Find the half-life of radon-222 in Table 25.3 and deter¬ 

mine how long it takes for only one eighth of a sample 

of radon-222 to remain. 

3. Analyze It! Other radioisotopes undergo beta decay, 

emitting a beta particle (electron _°e). For example, 

T —» ’?N + _°e | 

Find the half-life of carbon-14 in Table 25.3 and deter- 1 

mine what fraction of the carbon-14 in a sample has 

not yet decayed by beta emission after 11,460 years. 

mmumiumMwa 
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Fission and Fusion of Atomic Nuclei 

Guide for Reading 

Key Concepts 
• What happens in a nuclear 

chain reaction? 

• Why are spent fuel rods from a 

nuclear reaction stored in 

water? 

• How do fission reactions and 

fusion reactions differ? 

Vocabulary 
fission 

neutron moderation 

neutron absorption 

fusion 

Reading Strategy 
Identifying Details In the three 

paragraphs following the heading 

Nuclear Fission, the sentence 

describing a chain reaction states 

the main idea. List the details 

about energy changes in fission 

and chain reactions that are 

related to the main idea. 

Figure 25.10 In nuclear fission, 

a uranium-235 nucleus breaks 
into two smaller nuclei and 

releases neutrons. Predicting 
What happens when the 
released neutrons strike other 

uranium-235 nuclei? 

Connecting to Your World T, , . „. 
^ The sun appears as a fiery ball in 

the sky—so bright it should never be viewed with unprotected eyes. 

Although its surface temperature is about 

the sun is not actually burning. If the 

energy given off by the sun were the 

product of a combustion reaction, the sun 

would have burned out approximately 

2000 years after it was formed, long 

before today. In this section, you will learn 

how energy is produced in the sun. 

Nuclear Fission 
When the nuclei of certain isotopes are bombarded with neutrons, they 

undergo fission, the splitting of a nucleus into smaller fragments. Uranium- 

235 and plutonium-239 are the only fissionable isotopes. Figure 25.10 

shows how a fissionable atom, such as uranium-235, breaks into two frag¬ 

ments of roughly the same size when struck by a slow-moving neutron. At 

the same time, more neutrons are released by the fission. These neutrons 

strike the nuclei of other uranium-235 atoms, continuing the fission by a 

chain reaction. In a chain reaction, some of the neutrons produced react 

with other fissionable atoms, producing more neutrons which react with still 

more fissionable atoms. 

Nuclear fission can release enormous amounts of energy. The fission 

of 1 kg of uranium-235, for example, yields an amount of energy equal to 

that generated in the explosion of 20,000 tons of dynamite. In an uncon¬ 

trolled nuclear chain reaction, the total energy release takes only fractions 

of a second. Atomic bombs are devices that start uncontrolled nuclear 

chain reactions. 

slKr 

Neutron Krypton-91 

Barium-142 
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Fission can be controlled so energy is released more slowly. Nuclear 

reactors, such as the one illustrated in Figure 25.11, use controlled fission 

to produce useful energy. In the controlled fission reaction within a nuclear 

Figure 25.11 A nuclear reactor 
uses controlled fission to 
produce useful energy. The 

illustration shows the basic 
components of a nuclear reactor. 

Energy from the fission process 
heats the circulating coolant. 

The heated coolant is used to 
produce steam that turns a 
steam-driven turbine. The 

reactor, much of the energy generated is in the form of heat. A coolant turbine drives a generator to 

fluid, usually liquid sodium or water, removes the heat from the reactor produce electrical energy. 

core. The heat is used to generate steam, which drives a turbine that in turn 

generates electricity. The control of fission in a nuclear reactor involves two 

steps, neutron moderation and neutron absorption. 

Neutron Moderation Neutron moderation is a process that sloyvs down 

neutrons so the reactor fuel (uranium-235 or plutonium-239) captures 

them to continue the chain reaction. Moderation is necessary because 

most of the neutrons produced move so fast that they will pass right 

through a nucleus without being absorbed. Water and carbon in the form 

of graphite are good moderators. 

Neutron Absorption To prevent the chain reaction from going too fast, 

some of the slowed neutrons must be trapped before they hit fissionable 

atoms. Neutron absorption is a process that decreases the number of slow- I moving neutrons. Control rods, made of a material such as cadmium, are 

used to absorb neutrons. When the control rods extend almost all the way 

into the reactor core, they absorb many neutrons, and fission occurs slowly. 

As the rods are pulled out, they absorb fewer neutrons and the fission pro¬ 

cess speeds up. If the chain reaction were to go too fast, heat might be pro¬ 

duced faster than the coolant could remove it. In this case, the reactor core 

would overheat, which could lead to mechanical failure and release of 

radioactive materials into the atmosphere. Ultimately, a meltdown of the 

reactor core might occur. 

(y^Checkpoint) Why must neutrons in a reactor be slowed down? 

9 

Animation 30 Take a close 
look at a nuclear fission chain 
reaction. 

-.with ChemASAP 

' Textbook 
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Figure 25.12 Racks at the 
bottom of this pool contain 

spent fuel rods. The blue glow is 
from beta particles that the rods 
emit into the water. 

Nuclear Waste 
Fuel rods from nuclear power plants are one major source of nuclear waste. 

The fuel rods are made from a fissionable isotope, either uranium-235 or 

plutonium-239. The fuel rods are long and narrow—typically 3 meters long 

with a 0.5-cm diameter. Three hundred fuel rods are bundled together to 

form an assembly, and one hundred assemblies are arranged to form the 

reactor core. During fission, the amount of fissionable isotope in each fuel 

rod decreases. Eventually there is no longer enough fuel in the rods to ensure 

that the output of the power station remains constant. The isotope-depleted, 

or spent, fuel rods must be removed and replaced with new fuel rods. 

Spent fuel rods are classified as high-level nuclear waste. They contain 

a mixture of highly radioactive isotopes, including both the fission prod¬ 

ucts and what remains of the nuclear fuel. Some of these fission products 

have very short half-lives, on the order of fractions of seconds. Others have 

half-lives of hundreds or thousands of years. All nuclear power plants have 

holding tanks, or “swimming pools,” for spent fuel rods. Water cools 

the spent rods, and also acts as a radiation shield to reduce the radiation lev¬ 

els. The pools, like the one shown in Figure 25.12, are typically 12 meters 

deep, and are filled with water. Storage racks at the bottom of these pools 

are designed to hold the spent fuel assemblies. The rods continue to pro¬ 

duce heat for years after their removal from the core. 

The assemblies of spent fuel rods may spend a decade or more in a 

holding tank. In the past, plant operators expected used fuel rods to be 

reprocessed to recover the remaining fissionable isotope, which would be 

recycled in the manufacture of new fuel rods. However, with large deposits 

of uranium ore available—many in the United States—it is less expensive 

to mine new fuel than to reprocess depleted fuel. At some nuclear plants, 

there is no space left in the storage pool. In order to keep these plants open, 

their fuel rods must be moved to off-site storage facilities. 



4]H 42He 

hydrogen nuclei helium nucleus 
2+? e 

positrons 

Figure 25.13 In solar fusion, 

hydrogen nuclei fuse to produce 
helium nuclei, interpreting 
Diagrams What other 

particles are produced by 
this reaction? 

Nuclear Fusion 
The sun, directly and indirectly, is the source of most energy used on Earth. 

The energy released by the sun results from nuclear fusion. Fusion occurs 

when nuclei combine to produce a nucleus of greater mass. In solar fusion, 

hydrogen nuclei (protons) fuse to make helium nuclei. Figure 25.13 shows 

that the reaction also produces two positrons. Fusion reactions, in 

which small nuclei combine, release much more energy than fission reac¬ 

tions, in which large nuclei split. However, fusion reactions occur only at 

very high temperatures—in excess of 40,000,000°C. 

The use of controlled nuclear fusion as an energy source on Earth is 

appealing. The potential fuels are inexpensive and readily available. One 

reaction that scientists are studying is the combination of a deuterium 

(hydrogen-2) nucleus and a tritium (hydrogen-3) nucleus to form a helium 

nucleus. 

jH + jH -> 4He + gn + energy 

The problems with fusion lie in achieving the high temperatures neces¬ 

sary to start the reaction and in containing the reaction once it has started. 

The high temperatures required to initiate fusion reactions have been 

achieved by using a fission bomb. Such a bomb is the triggering device 

used for setting off a hydrogen bomb, which is an uncontrolled-fusion 

device. Such a process is clearly of no use, however, as a controlled genera¬ 

tor of power. 

Word Origins 
Fusion comes from the Latin 

word fusus meaning "melt 

together." Fusion is the combi¬ 

nation of two low-mass nuclei 

to form a nucleus of larger 

mass, accompanied by the 

release of a large amount of 

energy. In politics, what 

might be the goal of a 

fusionist? 

25.3 Section Assessment 

15. Key Concept Explain what happens in a 

nuclear chain reaction. 

16. Key Concept Why are spent fuel rods from a 

nuclear reaction stored in water? 

17. Key Concept How are fusion reactions 

different from fission reactions? 

18. What does nuclear moderation accomplish in a 

nuclear reactor? 

19. What is the source of the radioactive nuclei 

present in spent fuel rods? 

20. Assuming technical problems could be over¬ 

come, what are some advantages to using a 

fusion reactor to produce electricity? 

MSSSBSS^ Handbook 

Heavy Water Reactors Read the paragraph on 
Heavy Water Reactors on page R39 of the Elements 
Handbook. Use what you have learned about nuclear 

reactors to explain what a neutron moderator does, 
and then explain the advantages of using heavy water 
instead of ordinary water as a neutron moderator. 

® 

f '.ATT 
^ Textbook 

Assessment 25.3 Test yourself 
on the concepts in Section 25.3. 

•_withChemASAP 
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Dating a Fossil 
Direct information about earlier life on Earth comes 

from fossils and artifacts.The age of an artifact of 

biological origin, such as bone, wood, cloth,and 

plant fibers, from 200 to about 50,000 years old can 

be determined by carbon-14 dating. All living 

organisms contain carbon-12 and carbon-14 in a 

fixed ratio. After an organism dies, the ratio of 

carbon-12 to carbon-14 changes. Carbon-14 is 

radioactive with a half-life of 5730 years and decays 

to nitrogen-14, while carbon-12 remains constant. 

Calculating An unearthed wooden tool was found to 

have only 50% of the carbon- 7 4 content of a sample of 

living wood. How old is the wooden tool? 

Archaeology Archaeologists 

study the life and culture of 

the past, especially ancient 

peoples, by excavating ancient 

cities, relics, and artifacts. 

The Wooly Mammoth The fossil 

remains of a woolly mammoth are 

found in Pleistocene deposits (the 

Pleistocene epoch was from 

2,500,000 to 10,000 years ago).The 
abundance of well-preserved 

carcasses in the permanently 
frozen ground of Siberia have 

provided much information about 

these extinct animals. 

c. 23,000 bc 
1 

C. 17,300 BC 
1 

c. 11,600 bc 
l 

C. 5,900 BC 
i 

At the time of death, the 

carbon-12 to carbon-14 

ratio of the woolly 

mammoth was very 

similar to that of an 

animal living today. 

The carbon-14 in the dead 

mammoth was one-half 

of its value in 23,000 BC. 

The carbon-14 was 25% of 

its initial value. 

After another 5,730 years, 

the carbon-14 is now 

12.5% of its 23,000 bc 

value. 
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Mummies This 

mummy from Peru was 

dated between the late 

13th and early 14th 

century by carbon-14 
dating of the 

decorative cloth 

around the remains. 

Woolly Mammoth This well-preserved 
frozen skin of a baby mammoth was 

discovered in frozen ground in 

Siberia in 1900.lt had been 

completely refrigerated for about 

25,000 years. 

c. 200 bc 
-1- 

The carbon-14 is 6.25% of 

its initial value. 

Today, 

ad 2005 
--1- 
In what year will the 

carbon-14 level have 

decreased to 3.125% of 

its 23,000 BC value? 
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Radiation in Your Life 

Guide for Reading 

(^ Key Concepts 
• What are three devices used to 

detect radiation? 

• How are radioisotopes used in 

medicine? 

Vocabulary 
ionizing radiation 

Geiger counter 

scintillation counter 

film badge 

neutron activation analysis 

Reading Strategy 
Summarizing When you summa¬ 

rize, you review and state, in the 

correct order, the main points you 

have read. As you read about 

using radiation, write a brief sum¬ 

mary of the text following each 

use that is discussed. Your sum¬ 

mary should include only the 

most important information. 

Connecting to Your World A common household smoke 

detector uses the radiation from a radioisotope.The smoke detector 

contains a small amount of americium, ^Am, in 

the form Am02. Radiation from the ^Am nuclei 

ionizes the nitrogen and oxygen in smoke-free air, 

allowing a current to flow. When smoke parti¬ 

cles get in the way, they are ionized instead. 

The drop in current is detected by an elec¬ 

tronic circuit, causing it to sound an alarm. In 

this section, you will learn about some of the 

other practical uses of radiation. 

Detecting Radiation 
Radiation emitted by radioisotopes is called ionizing radiation. Ionizing 

radiation is radiation with enough energy to knock electrons off some 

atoms of the bombarded substance to produce ions. Radiation cannot be 

seen, heard, felt, or smelled. Thus radiation detection instruments must be 

used to alert people to the presence of radiation and to monitor its level. 

Devices such as Geiger counters, scintillation counters, and film badges 

are commonly used to detect radiation. These devices operate because of 

the effects of the radiation when it strikes atoms or molecules. For example, 

the radiation can produce ions, which can then be detected, or it can 

expose a photographic plate and produce images such as the one shown in 

Figure 25.14. When the plate is developed, its darkened areas show where 

the plate has been exposed to radiation. 

(^Checkpoint) What is ionizing radiation? 

Figure 25.14 Radiation can 
expose a photographic plate. 
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Geiger Counter A Geiger counter uses a gas- 

filled metal tube to detect radiation. The tube has a 

central wire electrode that is connected to a power 

supply. When ionizing radiation penetrates a thin 

window at one end of tube, the gas inside the tube 

becomes ionized. Because of the ions and free elec¬ 

trons produced, the gas becomes an electrical con¬ 

ductor. Each time a Geiger tube is exposed to 

radiation, current flows. The bursts of current drive 

electronic counters or cause audible clicks from a 

built-in speaker. Geiger counters can detect alpha, 

beta, and gamma radiation. 

Scintillation counter 

Film Badge A film badge consists of several layers 

of photographic film covered with black lightproof 

paper, all encased in a plastic or metal holder. The 

film badge is an important radiation detector for 

persons who work near any type of radiation source. 

The badge is worn the entire time the person is at 

work. At specific intervals, with the frequency 

depending on the type of work involved, the film is 

removed and developed. The strength and type of 

radiation exposure are determined from the dark¬ 

ening of the film. Records are kept of the results. 

Film badges do not protect a person from radiation 

exposure, but they do monitor the degree of expo¬ 

sure to radiation. Protection against radiation is 

achieved by keeping a safe distance from the source 

and by using adequate shielding. 

Geiger counter 

Scintillation! Counter A scintillation counter uses 

a phosphor-coated surface to detect radiation. Ioniz¬ 

ing radiation striking the phosphor surface produces 

bright flashes of light, or scintillations. The number 

of flashes and their respective energies are detected 

electronically. The information is then converted 

into electronic pulses, which are measured and 

recorded. Scintillation counters have been designed 

to detect all types of ionizing radiation. 

Film badge 
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Quick LAB 

Studying Inverse-Square Relationships 

Purpose 
To demonstrate the rela¬ 

tionship between radiation 

intensity and the distance 

from the radiation source. 

Materials 

• flashlight 

• strips of duct tape 

Procedure B 0 IS IP 
Probeware version available in the Probe¬ 

'LlJ ware Lab Manual. 

1. Measure and record the distance (A) 

from the bulb filament to the front 

surface of the flashlight. 

2. Cover the end of a flashlight with tape. 

Leave a 1 cm X 1 cm square hole in the 

center. 

1cm x 1cm 
square opening 

Duct tape 

• scissors 

• poster board, white 
(50 cm X 50 cm) 

• meter ruler or tape 
measure 

• flat surface, long enough 
to hold the meter ruler 

• loose-leaf paper 

• graph paper 

• pen or pencil 

• light sensor (optional) 

3. Place the flashlight on its side on a flat, 

horizontal surface.Turn on the flash¬ 

light. Darken the room. 

4. Mount a large piece of white poster 

board in front of the flashlight, perpen¬ 

dicular to the horizontal surface. 

5. Move the flashlight away from the 

board in short increments. At each 

position, record the distance (B) from 

the flashlight to the board and the 

length (L) of one side of the square 

image on the board. 

6. On a sheet of graph paper, plot L on the 

y-axis versus A + B on the x-axis. On 

another sheet, plot L2 on the y-axis 

versus A -I- 6 on the x-axis. 

Analyze and Conclude 

1. As the flashlight is moved away from 

the board, what do you notice about 

the intensity of the light in the illumi¬ 

nated square? Use your graphs to 

describe the relationship between 

intensity and distance. 

2. When the distance of the flashlight 

from the board is doubled and tripled, 

what happens to the areas and intensi¬ 

ties of the illuminated squares? 

C Go inline 
-^Hnks 

For: Links on 
Radioactive Tracers 

Visit: www.scilinks.org 
Web Code: cdn-1254 

Using Radiation 
Although radiation can be harmful, it can be used safely and is important in 

many scientific procedures. Neutron activation analysis is a procedure used 

to detect trace amounts of elements in samples. A sample of the material to 

be studied is bombarded with neutrons from a radioactive source. Some 

atoms in the sample become radioactive. The half-life and type of radiation 

emitted by the radioisotopes are detected, and a computer processes this 

information. Because this information is characteristic for each element, 

scientists can determine what radioisotopes were produced and what ele¬ 

ments were originally in the sample. Neutron activation analysis is used by 

museums to detect art forgeries, and by crime laboratories to analyze gun¬ 

powder residues. 

Radioisotopes called tracers are used in agriculture to test the effects of 

herbicides, pesticides, and fertilizers. The tracer is introduced into the sub¬ 

stance being tested to make the substance radioactive. Next, the plants are 

treated with the radioactively labeled substance. Then, the radioactivity of 

the plants is measured to find the locations of the substance. Often, the 

tracer is also monitored in animals that consume the plants, in water, and 

in soil. 
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Radioisotopes can be used to diagnose medical prob¬ 

lems and, in some cases, to treat diseases. Iodine-131, for exam¬ 

ple, is used to detect thyroid problems. The thyroid gland 

extracts iodide ions from the bloodstream and uses them to 

make the hormone thyroxine. To diagnose thyroid disease, the 

patient is given a drink containing a small amount of the radio¬ 

isotope iodine-131. After about two hours, the amount of 

iodide uptake is measured by scanning the patient's throat 

with a radiation detector. Figure 25.15 shows the results of 

such a scan. In a similar way, the radioisotope technetium- 

99m is used to detect brain tumors and liver disorders. Phos- 

phorus-32 is used to detect skin cancer. 

Radiation has become a routine part of the treatment of 

some cancers. Cancer is a disease in which abnormal cells in 

the body are produced at a rate far beyond the rate for normal 

cells. The mass of cancerous tissue resulting from this runaway 

growth is called a tumor. Radiation therapy is often used to 

treat cancer because the fast-growing cancer cells are more 

susceptible to damage by high-energy radiation such as 

gamma rays than are the healthy cells. The cancerous area can be treated 

with radiation to kill the cancer cells. Some normal cells are also killed, 

however, and cancer cells at the center of the tumor may be resistant to the 

radiation. Therefore, the benefits of the treatment and the risks to the 

patient must be carefully evaluated before radiation treatment begins. 

In a technique called teletherapy, a narrow beam of high-intensity 

gamma radiation is directed at cancerous tissue. Salts of radioisotopes can 

also be sealed in gold tubes and directly implanted in tumors. These seeds 

emit beta and gamma rays that kill the surrounding cancer cells. Because 

the radioisotope is in a sealed container, it is prevented from traveling 

throughout the body. 

Pharmaceuticals containing radioisotopes of gold, iodine, or phospho¬ 

rus are sometimes given in radiation therapy. For example, a' dose of 

iodine-131 larger than that used simply to detect thyroid diseases can be 

given to treat the diseased thyroid. The radioactive iodine accumulates in 

the thyroid and emits beta and gamma rays to provide therapy. 

Figure 25.15 This scanned 
image of a thyroid gland shows 

where radioactive iodine-131 has 
been absorbed. Doctors use 
these images to identify thyroid 

disorders. 

25.4 Section Assessment 

21. Key Concept Describe three methods of 

detecting radiation. 

22. Key Concept Describe two applications of 

radioisotopes in medicine. 

23. If you work regularly near a radiation source, why 

might your employer want to monitor your expo¬ 

sure to radiation by having you use a film badge 

rather than a Geiger counter? 

24. What is an advantage of using a radioactive seed, 

consisting of a radioisotope in a small gold tube, 

to treat a cancerous tumor? 

Writing Activity 

Write a Report Research and report howtechnetium- 
99m is produced, what the letter m at the end of its 
name means, and how the isotope is used in bone 
imaging and other methods of medical diagnosis. 

Textbook 

Assessment 25.4 Test yourself 
on the concepts in Section 25.4. 

_with ChemASAP 
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CHAPTER 

Study Guide 

Key Concepts 

© 25.1 Nuclear Radiation 

• An unstable nucleus loses energy by emitting 
radiation during the process of radioactive 
decay. 

• The three main types of radiation are alpha 
radiation, beta radiation, and gamma 
radiation. 

25.2 Nuclear Transformations 

• The type of radioactive decay that occurs 
depends on the neutron-to-proton ratio of 
the unstable nucleus. 

• After each half-life, half of the existing atoms 
have decayed into atoms of a new element. 

• Transmutation can occur by radioactive 
decay, and can also occur when particles 
bombard the nucleus of an atom. 

(T^ 25.3 Fission and Fusion of Atomic Nuclei 

• In a chain reaction, some of the neutrons 
produced react with other fissionable atoms, 
producing more neutrons which react with 
still more fissionable atoms. 

• Spent fuel rods are stored in on-site pools of 
water to absorb the heat they continue gen¬ 
erating and to help reduce radiation levels. 

• In nuclear fusion, light nuclei fuse to make 
more massive nuclei. In fission, massive 
nuclei split apart to form less massive nuclei. 

25.4 Radiation in Your Life 

• Radiation may be detected with a Geiger 
counter or a scintillation counter. A film 
badge monitors radiation exposure of indi¬ 
viduals who work with radioactive materials. 

• Radioactivity and radiation are used in med¬ 
ical diagnosis, and in the treatment of some 
diseases, including some forms of cancer. 

Vocabulary 

• alpha particle (p. 800) 

• band of stability (p. 803) 

• beta particle (p. 801) 

• film badge (p. 817) 

• fission (p. 810) 

• fusion (p. 813) 

• gamma ray (p. 802) 

Key Equations 

Geiger counter (p. 817) 

half-life (p. 804) 

ionizing radiation (p. 816) 

neutron absorption (p. 811) 

neutron activation analysis 
(p. 818) 

neutron moderation (p. 811) 

nuclear force (p. 803) 

positron (p. 804) 

radiation (p. 799) 

radioactivity (p. 799) 

radioisotopes (p. 799) 

scintillation counter (p. 817) 

transmutation (p. 807) 

transuranium elements (p. 808) 

Radioactive 00. „ . 
-U -Th + «He U6C -► L|N + _°e 

An jH + _°e . 29°Th —> 22«Ra + $He + y 

Organizing Information 

Use these terms to construct a 
concept map that organizes the 
major ideas of this chapter. 

Textbook 
Concept Map 25 Solve the 
Concept Map with the help of an 
interactive guided tutorial. 

with ChemASAP 
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CHAPTER 

25 
Reviewing Content 

Assessment 

25.1 Nuclear Radiation 

25. Explain the difference between an isotope and a 

radioisotope. 

26. The disintegration of the radioisotope radium- 

226 produces an isotope of the element radon 

and alpha radiation. The atomic number of 

radium (Ra) is 88; the atomic number of radon 

(Rn) is 86. Write a balanced equation for this 

transformation. 

27. A radioisotope of the element lead (Pb) decays to 

an isotope of the element bismuth (Bi) by emis¬ 

sion of a beta particle. Complete the equation for 

the decay process by supplying the missing 

atomic number and mass number. 

21°Pb-> g^Bi + J|e 

28. Write the symbol and charge for each. 

a. alpha particle 

b. beta particle 

c. gamma ray 

29. Alpha radiation is emitted during the disintegra¬ 

tion of the following isotopes. Write balanced 

nuclear equations for their decay processes. 

Name the element produced in each case. 

a. uranium-238 (22®U) b. thorium-230 (2|“Th) 

c. uranium-235 (2|lU) d. radon-222 (2ggRn) 

30. The following radioisotopes are beta emitters. 

Write balanced nuclear equations for their decay 

processes. 

a. carbon-14 (*gC) b. strontium-90 (fgSr) 

c. potassium-40 (f°K) d. nitrogen-13 (12N) 

31. How are the mass number and atomic number of 

a nucleus affected by the loss of the following? 

a. beta particle 

b. alpha particle 

c. gamma ray 

32. The following radioactive nuclei decay by emit¬ 

ting alpha particles. Write the product of the 

decay process for each. 

a- 29®PU 

b. 210Bi 

C. ^PO 

d. 2gQTh 

25.2 Nuclear Transformations 

33. What happens to an atom with a nucleus that 

falls outside the band of stability? 

34. Write an equation for the radioactive decay of 

fluorine-17 by positron emission. 

35. Identify the more stable isotope in each pair. 

a. »C, 12C 

b. ?H, }H 

c. «0, “O 

d. “N/fN 

36. Explain half-life. 

37. Why is it important that radioactive isotopes 

used internally for diagnosis or treatment have 

relatively short half-lives? 

38. A patient is administered 20 mg of iodine-131. 

How much of this isotope will remain in the 

body after 40 days if the half-life for iodine-131 

is 8 days? 

39. What is the difference between natural and arti¬ 

ficial radioactivity? 

40. What are the transuranium elements? Why are 

they unusual? 

25.3 Fission and Fusion of Atomic Nuclei 

41. Describe the process of nuclear fission, and 

define a nuclear chain reaction. 

42. Why are spent fuel rods removed from a reactor 

core? What do they contain? What happens to 

them after they are removed? 

43. Fusion reactions produce enormous amounts of 

energy. Why is fusion not used to generate elec¬ 

trical power? 

25.4 Radiation in Your Life 

44. Why are x-rays and the radiation emitted by 

radioisotopes called ionizing radiation? 

45. What is the purpose of wearing a film badge 

when working with ionizing radiation sources? 

46. Explain how iodine-131 is used in both the diag¬ 

nosis and treatment of thyroid disease. 
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CHAPTER 

25 Assessment continued 

Understanding Concepts 

47. Write nuclear equations for these conversions. 

a. ®°P to z°Si 

b. 1C to 1C 

c- Is1 to LwXe 

48. What is the difference between the nuclear reac¬ 

tions taking place in the sun and the nuclear 

reactions taking place in a nuclear reactor? 

49. Complete these nuclear equations. 

a- 15P —* □ + -°e 

b. □ -> IN + _°e 

C. 238U -> 234Th + Q 

d. “jBa-> □ + _?e 

e. □ -> lylr + *He 

50. Write nuclear equations for the beta decay of the 

following isotopes. 

a. 90Sr b. 1C c. IgCs d. 233Np e. soTi 

51. The following graph shows the radioactive decay 

curve for thorium-234. Use the graph to answer 

ssss the questions. 

20 40 60 80 100 120 

Days 

a. What percent of the isotope remains after 

60 days? 

b. How many grams of a 250-g sample of thorium- 

234 would remain after 40 days had passed? 

c. How many days would pass while 44 g of 

thorium-234 decayed to 4.4 g of thorium-234? 

d. What is the half-life of thorium-234? 

52. Write a nuclear equation for each word equation. 

a. Radon-222 emits an alpha particle to form 

polonium-218. 

b. Radium-230 is produced when thorium-234 

emits an alpha particle. 

c. When polonium-210 emits an alpha particle, 

the product is lead-206. 

53. Describe the various contributions the follow¬ 

ing people made to the fields of nuclear and 

radiation chemistry. 

a. Marie Curie b. Antoine Henri Becquerel 

c. James Chadwick d. Ernest Rutherford 

54. If you started with 32 million radioactive atoms, 

how many would you have left after five half-lives? 

55. A radioactive nucleus decays to give an alpha 

particle and a bismuth-211 (2“Bi) nucleus. 

What was the original nucleus? 

56. How many protons and how many neutrons are 

there in each of the following nuclei? 

a. ®°Co b. 2g2?b c. ZgoTh d. 2H 

57. The carbon-14 in an artifact gives 4 counts per 

minute per gram of carbon. Living matter has a 

carbon-14 content that gives 16 counts per minute 

per gram of carbon. What is the age of the artifact? 

58. Complete the following nuclear reaction 

equations. 

a. B -» 38Ca + ? 

b. 242pu -» ? + *He 

c. |®Ga -» ? + Jje 

d. ®®Ge -» “Ga + ? 

59. Write balanced nuclear equations for alpha 

emission by each of the following isotopes, 

a. 23JPa b. 241^ c. 226Ra d. 252Es 

60. Write balanced nuclear equations for beta 

emission by each of the following isotopes. 
a. ®H b. 28Mg c. 131J d. 75Se 

61. The ratio of carbon-14 to carbon-12 in a chunk 

of charcoal from an archeological dig is deter¬ 

mined to be one-half the ratio in a piece of 

freshly cut wood. How old is the charcoal from 

the dig site? 
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Critical Thinking Concept Challenge 

62. Name the elements represented by the follow¬ 

ing symbols and indicate which of them would 

have no stable isotopes. 

a. Pt b. Th c. Fr d. Ti 

e. Xe f. Cf g. V h. Pd 

63. Why would it be advantageous for radioactive 

tracers used in the study of living organisms to 

have a relatively short half-life? 

64. Compare the half-life of an element to a single¬ 

elimination sports tournament. 

65. Why does the relatively large mass and charge 

of an alpha particle make it less penetrating 

than beta and gamma radiation? 

66. Why might radioisotopes of C, N, and O be 

especially harmful to living creatures? 

67. A target of bismuth-209 was bombarded with 

iron-58 for several days. One atom of meitne¬ 

rium (jogMt) was produced. How many neu¬ 

trons were released in the process? 

2“Bi + “Fe --> logMt + ? Jn 

68. When neutrons bombard magnesium-24 

(jgMg), a neutron is captured and photons are 

ejected. What new element is formed? 

69. Plutonium-239 emits alpha particles and is 

therefore especially hazardous when inhaled or 

ingested. What new element is formed by this 

alpha emission? Write a balanced nuclear 

equation. 

70. Tritium (hydrogen-3) has a half-life of 12.3 

years. How old is a bottle of wine if the tritium 

activity is determined to be 25% that of new 

wine? 

71. A 0.25 mg sample of californium-249 (2||Cf) 

was used as the target in the synthesis of 

seaborgium CfolSg). Four neutrons were emit¬ 

ted for each transformed 2j*®Cf and the result 

was a nucleus with 106 protons and a mass of 

263 amu. What was the bombarding particle? 

298Cf + ? -> 40n + ?06Sg 

72. The radioisotope cesium-137 has a half-life of 

30 years. A sample decayed at the rate of 544 

counts per minute in the year 1985. In what year 

will the decay rate be 17 counts per minute? 

73. Describe the process depicted in the following 

graph. 

74. Bismuth-211 is a radioisotope. It decays by 

alpha emission to yield another radioisotope, 

which emits beta radiation as it decays to a 

stable isotope. Write equations for the nuclear 

reactions and name the decay products. 

75. What isotope remains after three beta particles 

and five alpha particles are lost from a tho¬ 

rium-234 isotope? (Refer to the uranium-238 

decay series to check your answer.) 

76. Write a paragraph analyzing the overall logic of 

the reasoning in the following argument. 

(1) Radiation kills fast-growing cells. 

(2) Cancer cells are fast-growing. 

(3) Therefore, radiation kills only cancer cells. 

77. Uranium has a density of 19 g/cm3. What vol¬ 

ume does a mass of 8.0 kg of uranium occupy? 

78. Element 107 (Bh) is formed when nuclei of 

element 109 (Mt) each emit an alpha particle. 

Nuclei of element 107, in turn, also each emit 

an alpha particle, forming an atom with a mass 

number of 262. Write balanced equations for 

these two nuclear reactions. 
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continued 

79. How many protons, neutrons, and electrons are 

in an atom of each isotope? (Chapter 4) 

a. iron-59 

b. uranium-235 

c. chromium-52 

What is the Pauli exclusion principle? What is 

Hund's rule? (Chapter 5) 

Identify the bonds between each pair of atoms 

as ionic or covalent. (Chapter 8) 

a. carbon and silicon 

b. calcium and fluorine 

c. sulfur and nitrogen 

d. bromine and cesium 

82. Balance the following equations. (Chapter 11) 

a. Ca(OH) H20 

h2o 

h2so4 

Na9S0A h2o 

d. C2H6 h2o 

83. A piece of magnesium with a mass of 10.00 g is 

added to sulfuric acid. How many cubic centi¬ 

meters of hydrogen gas (at STP) will be pro¬ 

duced if the magnesium reacts completely? How 

many moles is this? (Chapter 12) 

84. The diagram below shows a water molecule. 

Identify the location of any partial positive and 

partial negative charges on the molecule. Then 

explain how the partial charges and their loca¬ 

tions produce an attraction between different 

water molecules. (Chapter 15) 

Polar bonds 

85 

86 

You have a 0.30M solution of sodium sulfate. 

What volume (in mL) must be measured to give 

0.0020 mol of sodium sulfate? (Chapter 16) 

Draw the structural formula for each 

compound. (Chapter 22) 

a. 2,2-dimethylhexane 

b. 1,2-dimethylcyclopentane 

c. 2-methyl-2-heptene 

d. 2-butyne 

e. 1,4-dimethylbenzene 

f. 3-ethyloctane 

87. Name each compound. (Chapter 23) 

a. CH3CH2COOH b. CH3CH2CHO 

c. CH3CH2CH2OH ch3ch2ch2nh2 

e. CH3CH2CH2C1 f. CH3CH2OCH3 

88. For each pair of compounds, which is the more 

highly oxidized? (Chapter 23) 

a. ethanol and ethanal 

b. ethane and ethene 

c. ethanoic acid and ethanal 

d. ethyne and ethane 

89. What two compounds result from the acid- 

catalyzed hydrolysis of propyl ethanoate? 

(Chapter 23) 

90. Which of these classes of compounds does not 

contain a carbon-oxygen double bond? 

(Chapter 23) 

a. amide b. ketone 

c. aldehyde d. carboxylic acid 

91. Match a numbered item with each term or 

phrase. (Chapter 24) 

a. amino acid 

b. fat 

c. monosaccharide 

d. peptide bond 

e. sugar 

f. DNA 

g. saponification 

h. genetic code 

i. enzyme 

j. triglyceride 

(1) carbohydrate 

(2) nucleic acid 

lipid 

protein 

(3) 
(4) 

824 Chapter 25 



Standardized Test Prep 
Test-Taking Tip 

Anticipate the Answer Use what you know 

to decide what you think the answer should 

be. Then look to see if your answer, or one 

much like it, is given as an option. 

Select the choice that best answers each question. 

1. If a radioisotope undergoes beta emission, 

a. the atomic number changes. 

b. the number of neutrons remains constant. 

c. the isotope loses a proton. 

d. the mass number changes. 

2. The radioisotope radon-222 has a half-life of 

3.8 days. How much of an initial 20.0-g sample of 

radon-222 would remain after 15.2 days? 

a. 5.00 g b. 12.5 g c. 1.25 g d. 2.50 g 

3. Spent fuel rods 

a. are no longer radioactive. 

b. are stored under water for at least a decade. 

c. contain only one isotope of uranium, 238U. 

d. remain radioactive for less than 100 years. 

4. What particle is needed to balance this equation? 

22A1 + |He -* _ + 3°P 

For each nuclear equation in Questions 5-8, name 

the particle that is being emitted or captured. 

5. |8Fe-> “Co + _°e 

6. 188Au -* ^Ir + 42He 

7. pco + l0n-► “Co 

8. “«Xe -> + > 

9. Use the graph below to find whether neon-21, 

zirconium-90, and neodymium-130 have stable 

nuclei. 

Stable Nuclei 

Use the graph to answer Questions 10-12. 

Decay Curve of a Radioactive Element 

Number of half-lives 

Estimate the percent remaining of the radioisotope 

after the given number of half-lives. 

10. 0.5 f1/2 11. 1.25 r1/2 12. 3.75 f1/2 

Use the drawings of atomic nuclei to answer 

Questions 13 and 14. 

13. Write the name and symbol for each isotope. 

& Proton ® Neutron 

14. Which isotope is radioactive? 

The lettered choices below refer to Questions 15-19. A 

lettered choice may be used once, more than once, or 

not at all. 

(A) film badge 

(B) radioactive tracer 

(C) radiation therapy 

(D) neutron activation analysis 

(E) Geiger counter 

Which of the above items or processes is best 

described by each of the following applications? 

15. treating some cancers 

16. detecting ionizing radiation 

17. monitoring exposure to radiation 

18. diagnosing some diseases 

19. detecting art forgeries 
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Elements 

How to Use the Elements Handbook 

^ Look for data that 

describes what the 

elements in a group 

have in common. 

Q Interpret graphs 

to reveal trends 

in properties within 

a group. 

Q Learn where 

elements exist in 

nature and how 

they are processed. 

Q Find examples of 

typical chemical 

reactions. 

^ Find out which 

compounds have 

important industrial 

uses. 

Group 2A: Alkaline Earth Metals 

| Sr | Ba 

haverZfdr effKton the 
hcalrli of your bond larcr in 
life. You acquire 90% of the 
hone tissue in your skeleton 
before ngc 18 ns females and 
age 20 ns mala. Physical 

calcium in your diet affect 
the buildup of hone mass. 

To maintain a constant level 
of calcium in your blood, 
your Imdy may release 
calcium from bone tissue. 

helps you absorb calcium, 

DM You KncnSc 

If enough calcium is lost 
from Imnes, they become 
brittle and tend to break 
easily. This condition, 
known ns osteoporosis, it 

people. However, it con 
occur in young and 
middle-aged adults. 

'Die recommended dnily 
intake of calcium from a 
9 to ngc 18 is 1.3 g per 
day. This is the amount 
in n liter of milk. 

Q Make connections 

between chemistry 

and technology. 

Q Explore the impact of 

chemical reactions on 

the environment. 

^ Find out the effects 

of certain chemicals 

on your health. 

Q Discover some fun 

facts about elements. 



Elements Dissolved in the Oceans 

Element Parts per Million 

Chlorine 19,400 

Sodium 10,800 

Magnesium 1300 

Sulfur 904 

Calcium 411 

Potassium 392 

Bromine 67 

Carbon 28 

Strontium 8 

Boron 5 

Handbook 

Elements Around You 

w 
‘ i 

Element Parts per Million 

Oxygen 466,000 

Silicon 277,000 

Aluminum 82,000 

Iron 41,000 

Calcium 41,000 

Sodium 23,000 

Potassium 21,000 

Magnesium 21,000 

Titanium 4400 

Hydrogen 1400 

Elements in the Atmosphere 

Element Parts per Million* 1 

j Nitrogen 780,900 

Oxygen 209,500 

Argon 9300 

Neon 18 

Helium 5.2 

Krypton 1.14 

Hydrogen 0.5 

Xenon 0.086 

Radon Traces 

*Data is for dry air. 

L_ .. „ „ __ A 

R4 Elements Handbook 

Elements in the Sun 

Element Percent of Total Atoms 1 

Hydrogen 92.1 

Helium 7.8 

Oxygen 0.078 

Carbon 0.043 

Nitrogen 0.0088 

Silicon 0.0045 

Magnesium 0.0038 

Neon 0.0035 

Iron 0.0030 

Sulfur 

k_ 

0.0015 

____A 



Elements Within You 

© 
Did You Know.. 

© 
Did You Know.. 

The human body 
contains more calcium 
than any other metal. 

Your bones and teeth 

contain 99.2% of the 
calcium by mass. 

Bacteria in the mouth produce 

sulfur compounds that cause 
bad breath. The culprits are 

hydrogen sulfide, H2S, methyl 

mercaptan, CH3SH, and 

dimethyl sulfide, (CH3)2S. 

DM You Know. 
The mass of an adult's 

brain is about 2% of total 
body mass. Yet brain cells 

consume about 20% of 

the available oxygen 
when the body is at rest. 

f 
Did You Know- 
Although air is about 

78% nitrogen, your body 

must get the nitrogen it 

needs from food, not 
from the air you inhale. 

Elements In the Human Body 

Element Percent of Total Body Mass 

Oxygen 61 

Carbon 23 

Hydrogen 10 

Nitrogen 2.6 

Calcium 1.4 

Phosphorus 1.1 

Sulfur 0.2 

Potassium 0.2 

Sodium °-14 „ _ re. 
Chlorine 0.12 ^ 

© 
DidYwtCwm 

DidYouKnow_ 
Phosphorus is an 

important element for 

growth. So blood levels 
of the phosphate ion 

(P043-) in children are 
double what they are 

in adults. 

There is evidence that 

white blood cells are able 
to produce toxic chlorine 

gas. The gas helps to 

protect against infection. 
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Li 
Lithium 

6.941 

Lithium I discovered in 
1817 by Johan August 
Arfvedson 

ii ^ Sodium ! discovered in 

Na 1807 by Sir Humphry Davy 

Sodium 

22.990 

is g Potassium i discovered in 
° 1807 by Sir Humphry Davy 

Physical Properties 

• Alkali metals are silver-gray 
solids that are soft enough 
to cut with a knife. They 
are soft because they have 
only one valence electron. 

• The presence of a single 
valence electron also 
explains the low melting 
points and boiling points 
of alkali metals. 

Pure alkali metals are stored under 

oil because they will tarnish on 

exposure to oxygen or moisture in air. 

Potassium 

39.098 

Rubidium 

85.468 

55 

Cs 
Cesium 1 

132.91 

s? ; 

Fr £ 
it 

Francium £ 

(223) ' 

Rubidium I discovered in 
1861 by Robert Bunsen & 
Gustav Kirchhoff 

Cesium! discovered in 
1860 by Robert Bunsen & 
Gustav Kirchhoff 

Francium I discovered in 
1939 by Marguerite Perey 

Density 

4 

• Alkali metals do not occur uncombined in 
nature because they are highly reactive. 

• Sodium occurs widely as sodium chloride 
in underground salt and brine deposits. 
It is a major component of seawater. 

• Sodium is the only alkali metal 
manufactured on a large scale. It is 
generally produced by the electrolysis 
of molten sodium chloride. 

2NaCl(/) —> 2Na(/) + Cl2(g) 

Lithium and potassium are produced 
by a similar process. 

• The mineral sylvite, KC1, is a source 
of potassium. 

Manufacture of Sodium 

Na(/) Molten NaCI 

Molten Na 

Steel cathode (- 

R6 Elements Handbook 
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Atomic Properties 

• Alkali metals have an 

electron configuration 

that ends in ns1. 

• Alkali metals form 

ions with a 1+ charge. 

• The atoms of alkali 

metals are the largest 

in their periods. 

• Cesium metal is used in 

photocells because its 

first ionization energy is 

very low. 

520 

Li Na K Rb Cs 

Electronegativity 

1.0 

Atomic 
radius (pm) 

Ionic 
radius (pm) 

Li Na K Rb Cs 
156 191 238 255 273 

60 95 133 148 169 
Li+ Na+ K+ Rb+ Cs+ 

Alkali metals can be identified by 
the colors produced when their 
compounds are heated in a flame. 

Lithium Sodium Potassium Rubidium Cesium 

Important Compounds and Reactions 

The alkali metals are the most reactive metals. 

All alkali metals react with water to form an 

alkaline solution. Example: 

2K(s) + 2H20(/) —> 2KOH(aq) + H2(g) 

All alkali metals react with halogens to form 

an ionic halide. Example: 

2Cs(s) + Cl2(g) —» 2CsCl(s) 

AH = -442.8 kj/mol 

Sodium hydrogen carbonate (baking soda) 

produces C02(g) and steam, which causes 

baked goods to rise. 

2NaHC03(s) —Na2C03(s) + C02(g) + H20(g) 

AH = 129 kj/mol 

Lithium carbonate, Li2C03, is a prescription 

medicine for chronic depression. 

Sodium hypochlorite, NaCIO, is used as a 

bleach and to disinfect swimming pools. 

Sodium hydrogen carbonate, NaHC03, is 

used in fire extinguishers. 

Potassium nitrate, KN03, is used in matches 

and chemical fertilizers. 

Sodium hydroxide, NaOEI, is used as a drain 

cleaner. It is also used to produce other 

chemicals and in many industrial processes. 

Uses of NaOH 

Lithium hydride is a convenient source 

for hydrogen. 

LiH(s) + H20(/) —» LiOH(aq) + H2(g) 

Potassium superoxide, K02, is a source of 

oxygen in submarines. It removes C02 

from the atmosphere as it produces oxygen. 

4K02(s) + 2C02(g) —» 2K2C03(s) + 302(g) 

Li Na K Rb Cs Fr 

si 

Pulp and Paper 

Soaps and 
Detergents 

Petroleum 

Other Industries 

Organic Chemicals 

Inorganic Chemicals 

J 
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Group 1 A: Alkali Metals 

Na 

When streetlights have a 

golden glow, the source of 

the light is probably sodium 

vapor. Inside the lamp is a 

sealed tube containing a 

sodium-mercury alloy and 

a starter gas, such as xenon. 

Electrodes at each end of 

the tube are connected to an 

electric circuit. When the 

lamp is on, a continuous 

spark, or arc, forms between 

the electrodes. The arc 

produces enough heat to 

vaporize the sodium and 

mercury atoms. Within the 

arc, atoms ionize. Outside 

the arc, ions recombine 

with electrons and light is 

emitted—yellow for sodium 

and blue-green for mercury. 

A sodium vapor lamp uses 

less energy than most other 

light sources and costs less to 

operate. But the lamp isn’t 

a perfect light source.The 

color of an object is visible 

only when light of that color 

is reflected off the object. So 

yellow lines on the pavement 

appear yellow under a sodium 

vapor lamp, but a red stop 

sign appears gray, ss 

Restoring Electrolytes 

“Don’t sweat it” may be good 

advice for handling stress, but not for 

maintaining a healthy body. The sweat 

you produce on a hot day or during 

exercise cools your body as it evaporates. 

Sweat consists mainly of water, sodium chloride, 

and small amounts of other inorganic salts. The salts are 

electrolytes that help keep the volume of body fluids constant. 

Electrolytes produce ions when they dissolve in water. 

Body fluids contain sodium ions and potassium ions. Potassium 

ions are the principal cations inside cells. Sodium ions are the 

principal cations in the fluids outside of cells. The transmission 

of nerve impulses depends on the movement of sodium and 

potassium ions across the membranes of nerve cells. Potassium 

ions cause the heart muscle to relax between heartbeats. 

Replacing the water lost during exercise is important, but 

not sufficient. Electrolytes must be replaced too. Some signs 

of electrolyte depletion are muscle cramps, nausea, and an 

inability to think clearly. Many athletes use sports drinks 

to replace electrolytes. Some experts recommend these drinks 

for people who lose more than 8 liters of sweat daily or 

exercise continuously for more than 60 minutes. 

Table salt is the chief source of sodium in the diet. But large 

amounts are also found in unexpected places, such as eggs. 

For a healthy adult, the recommended daily intake of sodium 

chloride is about 5 grams per day—about half the amount many 

people consume. The daily recommended amount of potassium 

is about 1 gram. The word daily is important because your 

kidneys excrete potassium even when the supply is low. 

Eating foods high in potassium and low in 

sodium is ideal. Such foods include 

bananas, chicken, and orange juice. ■ 



Cesium Atomic Clock 

Many watches contain a quartz crystal 

that vibrates at a constant rate. The 

vibration provides the “beat” that is trans¬ 

lated into the time you see displayed. A 

clock with a quartz crystal is more accurate 

than a mechanical clock, which has moving 

parts that can be worn down by friction. But a 

quartz crystal isn’t accurate enough for modern 

communication and navigation systems. 

There is a standard cesium atomic clock at the National 

Institute of Standards and Technology in Fort Collins, 

Colorado. A short-wave radio station transmits accurate time 

signals from this clock to most of North America. Clocks and 

watches advertised as “atomic” or “radio controlled” 

contain a tiny antenna and receiver that pick up 

the signal and decode the information. The 

owner sets the time zone. The radio signal 

sets the time. ■ 

Global Positioning System (GPS) receivers 
can pinpoint any location on Earth to 
within a few meters. They depend on 
accurate time signals from atomic clocks 
in 24 Earth-orbiting satellites. 

For greater accuracy, you need an atomic clock, 

which may gain or lose only one second in 20 million years! 

In most atomic clocks, cesium-133 atoms provide the “beat.” 

Unlike quartz crystals, all cesium-133 atoms are identical and 

they don’t wear out with use. The clock is designed so that the 

atoms repeatedly absorb and emit radiation. The emitted 

radiation has a frequency of exactly 9,192,631,770 cycles per 

second. The cycles are counted and translated into seconds, 

minutes, and hours. Since 1967, the second had been defined 

based on the cesium clock. 

Salt of the Earth 

In the ancient world, table 

salt (NaCl) was an extremely 

valuable commodity. Before 

refrigeration, salt was used to 

preserve foods such as meats 

and fish. As salt draws the 

water out of bacteria, they 

shrivel up and die. Sailors 

(“salty dogs”) especially 

depended on salt pork and 

fish to survive long voyages. 

Trade routes were established 

and roads were built to 

transport salt. In ancient 

China, coins were made of 

salt and taxes were levied on 

salt. Roman soldiers were 

paid an allotment called a 

salarium argentum, or “salt 

silver,” from which the word 

salary is derived. ■ 

Bipolar Disorder 

About two million people in 

the United States experience 

the extreme mood swings of 

bipolar disorder. During a 

manic phase, they think 

they can conquer the world. 

During a depression, they 

may feel hopeless. The ionic 

compound lithium carbonate 

often is used to control these 

symptoms. Lithium ions 

probably have an effect on 

the transmission of messages 

between brain cells. ■ 

Did'You Kra©w„ 
Most alkali metals are stored under oil. 
But lithium is so light that it floats on 

oil. So a coat of petroleum jelly is 
applied to lithium before it is stored. 

Group 1 A: Alkali Metals R9 
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Be 
Beryllium 

9.0122 

Beryllium i discovered in 

1798 by Nicholas 

Vauquelin 

12 2 Magnesium i isolated in 

jyjg 2 1808 by Sir Humphry Davy 

Magnesium 

24.305 

20 2 Calcium I discovered in 

Qg s 1808 by Sir Humphry Davy 

Calcium 

40.08 

Physical Properties 

• Alkaline earth metals are 

relatively soft, but harder 

than alkali metals. 

• Alkaline earth metals have 

a gray white luster when 

freshly cut. When exposed 

to air, they quickly form a 

tough, thin oxide coating. 

• Densities, melting points, 

and boiling points tend to 

be higher than for the alkali 

metal in the same period. 

Beryllium is used as a diaphragm in 
speakers for accurate sound 
reproduction. This light but rigid 
metal transmits sound at 12 km/s. 

Strong, lightweight 

magnesium alloys are used 

in cameras, lawnmowers, 

aircraft, and automobiles. 

38 2 Strontium I discovered in 

q is 1808 by Sir Humphry Davy 
oi 2 

Strontium 

87.62 

56 2 Barium ! discovered in 

gg 18 1808 by Sir Humphry Davy 

Barium 2 

137.33 

88 2 Radium I discovered in 

Ra i 1898 by Pierre Curie & 

is Marie Curie 
Radium 8 

(226) 2 

Density 

5.5 

Be Mg Ca Sr Ba Ra 

Sources 

• Alkaline earth metals are not found in 

nature in the elemental state. 

• Many mountain ranges contain alkaline 

earth carbonates—limestone (CaC03) 

and dolomite (CaC03*MgC03). 

• Oyster shells containing CaC03 are used 

to extract magnesium. The chlorine gas 

produced as a by-product is fed back 

into the process. 

• Barium is made by reduction of its oxide 

with aluminum at high temperature. 

3BaO(s) + 2Al(s) —> 3Ba(/) + Al203(s) 

• Salts of highly radioactive radium are 

a by-product of uranium refining. 

Production of Magnesium 

Oyster shells Seawater 

RIO Elements Handbook 



Atomic Properties 

• Alkaline earth metals have 

an electron configuration 

that ends in ns1. 

• The alkaline earth metals 

are strong reducing agents, 

losing 2 electrons and form¬ 

ing ions with a 2+ charge. 

• Because radium is luminous, 

it was once used to make 

the hands and numbers on 

watches glow in the dark. 

• The ratio of 87Sr to 86Sr 

varies with location. This 

data can be used to solve 

problems, such as the 

source of materials. 

'■vxt'K' 

900 

First Ionization Energy 

899 

738 

590 

503 509 

Be Mg Ca Sr Ba Ra 

Atomic 
radius (pm) 

Be 
113 

Mg 
160 

Ca 
197 

Sr 
215 

Ba 
224 

Ra 
223 

Ionic 
radius (pm) 

44 

Be2+ 

66 

Mg2+ 

99 

Ca2+ 

112 

Sr2+ 

134 

Ba2+ 

143 

Ra2+ 

Calcium, strontium, and barium 
can be identified by the colors 
produced when their compounds 
are heated in a flame. 3 

Calcium Strontium Barium 

V J 

• Alkaline earth metals are less reactive than 

alkali metals. 

• Alkaline earth metals react with oxygen to 

form binary oxides. Example: 

• Alkaline earth metals react with halogens to 

form ionic halides. Example: 

Mg(s) + Br2(/) —» MgBr2(s) 

• All Group 2A metals (except Be) react with 

water to form an alkaline solution. Example: 

Sr(s) + 2HzO(/) —> Si(OU)2(aq) + H2(g) 

2Ca(s) + 02(g) —* 2CaO(s) 

A H = -635.1 kj/mol 

• bleating limestone produces lime, CaO. 

CaC03(s) ^4 CaO(s) + C02(g) 

AH =176 kj/mol 

• Slaked lime, Ca(OH)2, reacts with carbon 

dioxide to form limestone. 

Ca(OH)2(s) + CO2(g) —► CaCO3(s) + H2Ofe) 

• Barium peroxide is used as a dry powdered 

bleach. It reacts with water to form the 

bleaching agent, hydrogen peroxide. 

Ba02(s) + 2HzO(/) —> 

H202(aq) + Ba(OEl )2(aq) 

• Gypsum, calcium sulfate dihydrate, 

CaS04*2EI20, is used to make plasterboard. 

• Calcium phosphate, Ca3(P04)2, is the major 

component of bone and teeth. 

Slaked lime is an ingredient in plaster, cement, 
and the mortar used in this stone wall. 

Group 2A: Alkaline Earth Metals R11 
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Chlorophyll 

A plant that is deprived of 

magnesium will turn yellow 

and eventually die. The 

yellow color is a sign that 

the plant is not producing 

enough of the green pigment 

chlorophyll, which is found in 

structures called chloroplasts. 

There are about half a million 

chloroplasts in one square 

millimeter of leaf surface. In 

chloroplasts, light energy is 

changed to chemical energy. 

Chlorophyll molecules 

absorb wavelengths of blue 

light and red light, and 

reflect green light. There is a 

magnesium ion at the center 

of each chlorophyll molecule. 

It is embedded like a jewel 

in a crown-like ring. The 

magnesium ion forms a bond 

with each nitrogen atom. 

CH, HC-C=0 
l 2 l 
ch2 cooch3 

cooc20h39 

Chlorophyll a 

Chlorophyll is typical of a 

family of compounds called 

porphyrins, which contain a 

central metal ion. In heme, 

the ion is Fe2+. There are 

four heme molecules in 

hemoglobin, which transports 

oxygen in the blood. ■ 

Sr Ba 

The name of this effect 
is chrysanthemum. 

Producing an aerial 

fireworks display requires 

skill and knowledge of 

chemistry. Shells are stored 

in steel pipes anchored in sand. 

A typical shell contains two 

charges, one to launch the shell and 

one to cause the shell to burst. When 

the lifting charge explodes, the shell is blown out of the pipe 

and the fuse attached to the bursting charge ignites. The 

shell travels for a few seconds before it bursts. 

The explosions that launch the shells and cause them to 

burst are exothermic redox reactions. The reducing agent, or 

fuel, may be aluminum, magnesium, or sulfur. The oxidizing 

agent may be a nitrate, a chlorate, or a perchlorate, such as 

potassium perchlorate (KC104). 

When a shell bursts, it releases tiny pellets called “stars,” 

which produce the colors. Only a few elements are needed to 

produce these colors. Two are alkaline earth metals, strontium 

for bright red and barium for light green. These same colors 

are produced when strontium and barium compounds are 

heated in a flame. Flame tests can identify elements because 

an element emits characteristic wavelengths of light when its 

atoms absorb heat and then return to the ground state. ■ 

Labels for shells used in a fireworks display describe 
the color and the effect produced by the shell. 

R12 Elements Handbook 



Building Strong Bones 

Stalactites and stalagmites 
may join together to 
form columns. 

The chemical reactions that form a limestone cave are simple. 

Carbon dioxide in the air dissolves in rain to form weak car¬ 

bonic acid, H2C03. As rain passes through soil, it dissolves 

carbon dioxide produced by decaying plants and becomes 

even more acidic. The rainwater seeps into limestone, CaC03, 

beneath the soil. The CaC03 dissolves in the carbonic acid, 

forming a solution of calcium hydrogen carbonate, Ca(HC03)2. 

CaC03(s) + H2CO3(aq) —Ca2+{aq) + 2HC03 (aq) 

Over millions of years, as more and more limestone dissolves, a 

cave forms and slowly grows in size. Once the cave stops growing, 

another process may occur. Calcium hydrogen carbonate solution 

drips through the cave’s roof. Carbon dioxide is released from 

solution, leaving behind a tiny deposit of solid calcium carbonate. 

Ca 2+(aq) + 2HCO f(aq) —>CaC03(s) + C02(g) + H20(/) 

The deposit slowly grows into a stalactite, which hangs from the 

ceiling like an icicle. Drops of solution that fall from the ceiling 

form stalagmites on the cave floor. Calcium carbonate is white. 

So any color in the deposits is due to traces of metal ions, such 

as copper (blue-green) and iron (red-brown). The growth rate 

of the formations depends mainly on the volume of water 

that drips through the roof and the concentration of calcium 

bicarbonate in the water. In many caves, the rate of growth is 

measured in centimeters per hundreds or thousands of years. ■ 

As a young adult, you can 

have a major effect on the 

health of your bones later in 

life. You acquire 90% of the 

bone tissue in your skeleton 

before age 18 as females and 

age 20 as males. Physical 

activity and the amount of 

calcium in your diet affect 

the buildup of bone mass. 

To maintain a constant level 

of calcium in your blood, 

your body may release 

calcium from bone tissue. 

If enough calcium is lost 

from bones, they become 

brittle and tend to break 

easily. This condition, 

known as osteoporosis, is 

most common in older 

people. However, it can 

occur in young and 

middle-aged adults. 

The recommended daily 

intake of calcium from age 

9 to age 18 is 1.3 g per 

day. This is the amount 

in a liter of milk. 

Calcium-fortified foods, such 

as orange juice, are a good 

choice for those who cannot 

tolerate the lactose in milk. 

Vitamin D in orange juice 

helps you absorb calcium. ■ 

Calcium oxide (lime) emits a bright 

white light when it is heated. Before 
electric lights, theaters used lime to 
focus light on a single actor. So the 

expression in the limelight describes 
a person in a prominent position. 

* Did You Know. 

V 
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Boron ! discovered in 1808 

by Sir Humphry Davy and by 

Joseph-Louis Gay-Lussac 

& Louis-Jacques Thenard 

13 2 Aluminum I discovered in 

3 1825 by Hans Christian 

Aluminum Oersted 
26.982 

B 
Boron 

10.81 

»lll—111! ■ ■ 

Physical Properties 

• Boron is a metalloid. 

The rest of the Group 3A 

elements are metals. 

• Aluminum is a valuable 

structural material because 

of its strength, especially 

in alloys with silicon 

or iron. These alloys 

have a low density and 

resist corrosion. 

Boron is black, lustrous, and 
extremely hard, but brittle. 

• Gallium has an extremely 

wide liquid temperature 

range (30°C to 2204°C). 

Solid gallium floats in 

liquid gallium, which is 

unusual for a metal. 

31 2 Gallium i discovered in 

Qg 13 1875 by Paul-Emile Lecoq 

Gainum de Boisbaudran 
69.72 

49 g Indium I discovered in 

Jp Is 1863 by Ferdinand Reich 

indium 3 & Hieronymus T. Richter 
114.82 

si l Thallium i discovered 

1"| 3® in 1861 by Sir William 

ThaiHum13 Crookes 
204.37 

Sources 

• Boron is always combined with oxygen in 

nature. Boron can be prepared by the reaction 

of its oxide with magnesium metal. 

B203(s) + 3Mg(s) —> 2B(s) + 3MgO(s) 

• Bauxite is a common ore of aluminum. The 

primary mineral in bauxite is alumina, 

A1203, which is reduced to aluminum by 

electrolysis. 

• Gallium, indium, and thorium are 

quite rare. They are typically extracted 

from ores being processed to extract 

other metals. 

The conveyor belt is being used to unload 
bauxite from a train. Bauxite is a major source 
of aluminum. It is also a source of gallium. 

R14 Elements Handbook 



Atomic Properties 

• Group 3A elements have an 

electron configuration that 

ends in ns1npx. 

• The most common oxida¬ 

tion number for boron, alu¬ 

minum, gallium and indium 

is +3. For thallium, it is +1 

• Group 3A elements become 

more metallic from top to 

bottom within the group. 

• Radioactive thallium-201 is 

injected into patients taking 

the stress test used in the 

diagnosis of heart disease. 

Atomic 
radius (pm) 

Ionic 
radius (pm) 

B 
83 

23 
b3+ 

Al Ga In Tl 
143 141 166 172 

51 62 81 95 
ai3+ Ga3+ ln3+ Ti3+ 

• Group 3A elements react with halogens 

to form halides. Example: 

2Al(s) + 3Cl2(g) —* 2A1C13(s) 

Aluminum chloride is used as a catalyst 

in organic reactions. 

• Group 3A elements react with oxygen 

to form oxides. Example: 

4Al(s) + 302(g) —> 2A1203(s) 

AH = -1676 kj/mol 

Because this reaction is so exothermic, 

powdered aluminum is a component of 

some explosives, fireworks, and rocket fuels. 

• Aluminum sulfate (alum), A12(S04)3*18H20, 

is used in water treatment plants. 

• Gallium arsenide, GaAs, converts electric 

current to light in light-emitting diodes 

(LEDs). It is produced as follows. 

• Borax, Na2B4O7*10H2O, is used to soften 

water and is found in glasses and glazes. 

When a mixture of borax and hydrochloric 

acid is heated, boric acid is produced. 

Na2B407(a<7) + 2HC1 (aq) + 5H20(/) —» 

4H3B03(a<7) + 2NaCl(a<7) 

Corundum is a mineral form of 
aluminum oxide. Rubies are 
corundum in which a few 
aluminum ions are replaced by 
chromium ions. 

(CH3)3Ga(g) + AsH3(g) —> GaAs(s) + 3CH4(g) 

This LED is shown 
at about five times 
actual size. 

• Boric acid is poisonous if ingested. The solid 

is used as an insecticide against cockroaches. 

A dilute solution of boric acid is an eyewash. 

• Boron carbide, B4C, is almost as hard as 

diamond. It is used for items that must resist 

wear, such as cutting tools. 

• Laboratory glassware is made of heat-resistant 

glass containing 12-15% boric oxide. 
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Lightweight, durable aluminum has 

many uses. When aluminum parts 

replace steel parts in vehicles, less 

fuel is needed to travel the same 

distance. About 20% of the alumi¬ 

num produced is used for packaging, 

including foil and cans. 

In the United States, over 80 billion 

aluminum soft drink cans are sold 

each year. Around 50% of these cans 

are recycled. The energy saved by 

recycling just one of these cans 

could be used to operate a jg 
television for three hours. 

The energy needed to recycle aluminum is 5% of the energy 

needed to obtain new aluminum from ore. An added benefit 

of recycling is a reduction in solid waste. 

Aluminum is used in 
durable consumer 
goods such as ladders. 

Recycled aluminum cans are shredded, crushed, and heated 

to remove materials other than aluminum. Aluminum pieces 

about the size of a potato chip are placed in furnaces where 

they are mixed with new aluminum and melted. The molten 

aluminum is poured into 7.6-m ingots that have a mass of 

about 13,600 kg. The ingots pass through rolling mills that 

reduce their thickness from about 0.5 m to about 0.25 mm. 

The thin sheets are coiled and shipped to a manufacturer who 

produces the bodies and tops of the cans. Aluminum from a 

recycled can is part of a new can within 60 days. ■ 

Indium is a soft metal with a 

low melting point of 157°C. 

One useful property of indium 

is its ability to “wet” glass. It 

spreads out and forms a thin 

layer on the glass instead of 

beading up. This property 

allows indium to be deposited 

on glass to make mirrors that 

are as reflective, but more 

corrosion-resistant, than 

silvered mirrors. 

Low-melting alloys that 

contain indium are used as 

solders to join glass to glass. 

They also can join a metal to 

a metal at low temperatures. 

There are products, such as 

electronics components, that 

could be damaged if joined 

at a high temperature. The 

seals of some fire sprinkler 

heads are held in place by 

indium alloys. When heat 

from a fire melts the alloy, 

the seal is released, which 

allows water to pour from 

the sprinkler head. ■ 

Aluminum cans are compressed 
before being shipped to aluminum 
companies for recvclina. 



Manufacturing Aluminum Anodized Aluminum Al 

Aluminum is the most abundant metal in Earth’s crust 

(8.3% by mass). It is found in minerals such as bauxite 

(impure aluminum oxide, A1203). But for years after its 

discovery, there wasn’t a practical way to extract aluminum 

from its ores. This rare and expensive metal was used, like 

gold, mainly for decoration. 

A professor at Oberlin College in Ohio challenged his class to 

find an inexpensive way to produce aluminum. In 1885, 

Charles Hall responded to the challenge. He set up a laboratory 

in a woodshed. He knew that other chemists had tried to 

decompose aluminum oxide by electrolysis. This method was 

not practical because the melting point of aluminum oxide is 

quite high (2045°C). Hall found that mixing aluminum oxide 

with cryolite (Na3AlF6) produced a mixture that melted at a 

much lower temperature of 1012°C. 

+ 

The process Hall invented is often called the Hall-ITeroult 

process. Paul Heroult, a 23-year-old Frenchman, developed 

the same process almost simultaneously. It is still used today. 

Pure aluminum oxide is extracted from bauxite through heating 

to a temperature above 1000°C. The aluminum oxide is 

dissolved in molten cryolite and contained in a graphite-lined 

iron tank. The graphite rods used as an anode are consumed 

during the process. 

Anode: C(s) + 202~[l) —> CO2(g) + 4e~ 

Cathode: 3e~ + Al3+(l) —» Al(/) 

If an aluminum object has a 

color other than silver, it was 

anodized before it was dyed. 

The main goal of anodizing is 

to protect the aluminum from 

corrosion by coating it with 

aluminum oxide. The ability 

to be dyed is an added benefit. 

The aluminum object becomes 

the anode in an electrolytic 

cell. The electrolyte is a dilute 

acid. When an electric current 

flows through the cell, 

aluminum oxide forms on 

the surface of the aluminum. 

The oxide layer is thin, hard, 

and dense. It contains tiny 

pores, which can absorb an 

organic dye. If a dyed piece 

is placed in boiling water, 

the oxide layer absorbs water 

and swells, which closes the 

pores and seals in the dye. 

Because the oxide layer is 

so thin, the silver of the 

aluminum base is visible 

through the dye and gives 

the object a metallic sheen. ■ 

The products are carbon dioxide and molten aluminum 

metal. Because the aluminum is more dense than the 

aluminum oxide-cryolite mixture, it collects at the 

bottom of the tank and is drawn off periodically. ■ Did You Know. 
Indium's name comes from indigo, 
a bright line in its emission spectrum. 

Indium will emit a high-pitched sound 
when it is bent. Tin and gallium also 

"cry" when bent. 
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Physical Properties 

• Group 4A elements are all 

solids at room temperature. 

Phase Diagram of Carbon 

6 2 Carbon I known since 

q ancienttimes 

Carbon 

12.011 

14 2 Silicon i discovered in 

gj 4 1824 by Jons Jacob 

silicon Berzelius 
28.086 

Germanium i discovered 

in 1886 by Clemens 

Winkler 

so \ Tin I known since 

Sn la ancienttimes 
4 

Tin 

118.69 

82 a Lead I known since 

Ph 32 ancienttimes 
1 18 
Lead 4 

207.2 

8 

Ge 4 
Germanium 

72.59 

• The metallic properties of 

Group 4A elements increase 

from carbon to lead. 

• Diamond, graphite, and 

buckminsterfullerene are 

three allotropes of carbon. 

Temperature (C°) 

J 

Graphite is more stable than diamond 
atSTP,butthe activation energy is 
too high for diamond to change to 
graphite at these conditions. 

• Carbon is found in nature as an element, 

in Earth’s atmosphere as carbon dioxide, 

in Earth’s crust as carbonate minerals, and 

in organic compounds produced in cells. 

• Silicon can be produced by the reduction 

of silicon dioxide (silica) with magnesium, 

carbon, or aluminum. Example: 

Si02(s) + 2Mg(s) —» Si(s) + 2MgO(s) 

• Tin is prepared by reduction of the 

mineral cassiterite, Sn02. 

SnO2(s) + 2C(s) —* 2CO(g) + Sn(s) 

• Lead is refined from the mineral galena, 

PbS. Galena is heated in air to form a 

mixture of PbO and PbS04. Lead is 

produced through further reaction of 

these compounds with PbS. 

Fe2Si04 AISi2050H 
olivine pyrophyllite 

About 90% of the minerals in Earth's crust are 
silica and silicates. In silicates, each silicon 
atom is surrounded by three or four oxygen 
atoms. These units can be linked together in 
chains, sheets, rings, or crystals. 

AI2Si05 
andalusite 
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First Ionization Energy Electronegativity 

Atomic Properties 

• Group 4A elements have 

an electron configuration 

that ends in ns2np2. 

• For Group 4A elements, the 

most common oxidation 

numbers are +4 and +2. For 

carbon, -4 is also common. 

• Silicon and germanium are 

semiconductors. 

c Si Ge Sn Pb 
77 109 122 139 175 

15 41 53 71 84 
c4+ Si4+ Ge4+ Sn4+ Pb4+ 

J 
methane molecule 

Atomic 
radius (pm) 

Ionic 
radius (pm) 

When carbon and silicon form four covalent 
bonds, there is often sp3hybridization. The result is 
compounds and ions with tetrahedral structures. 

silicate ion 

Important Compounds and Reactions ■ 

Group 4A elements are oxidized by halogens. 

Example: 

Ge(s) + 2Cl2(g) —> GeCl4(/) 

Group 4A elements combine with oxygen to 

form oxides. Example: 

Sn(s) + O2(g) —■» SnO2(s) 

Complete combustion of hydrocarbons yields 

carbon dioxide and water. Example: 

CH4(g) + 202(g) —■» CO2(g) + 2H20(/) 

AH = -890 kj/mol 

• Plants use carbon dioxide to produce 

carbohydrates and oxygen. 

• Aqueous sodium silicate, Na2Si03, is used as 

an adhesive for paper, as a binder in cement, 

and to stabilize shale during oil drilling. 

SiO 2(s) + 2NaOHGg) —* 

Na2Si03(fl<?) + H20(/) 

• Acetylene is a fuel used for welding. It forms 

when calcium carbide and water react. 

CaC2(s) + 2H20(/) —> 

C2H2(g) + Ca(OH)2(fl<?) 

• Tungsten carbide, WC, is used on the cutting 

surfaces of drill bits and saw blades. 

• Lead(lV) oxide, Pb02, is used as electrodes in 

lead acid car batteries. 

• Tin(II) fluoride, SnF2, is used in toothpaste to 

prevent tooth decay. 

Silicon dioxide, Si02, is the 
sand on many beaches and 
is used to make glass. 
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I Green Chemistry 

The term green chemistry was coined in 1992. It describes the effort 

to design chemical processes that don’t use or produce hazardous 

substances. The goal is to protect the environment and conserve 

resources. For example, if a catalyst is used to reduce the temperature 

at which a reaction occurs, the process requires less energy. 

Carbon dioxide is at the center of a green chemistry success story. 

Organic solvents are used to dissolve substances that are insoluble 

in water. Many of these solvents are toxic. It can be difficult to 

remove all traces of the toxic solvent from reaction products and 

safely recycle or dispose of the solvent. Supercritical carbon dioxide 

can replace some organic solvents. 

A gas becomes a supercritical fluid at a temperature and pressure 

called its critical point. For carbon dioxide, this occurs at 31.1°C 

and about 100 atmospheres. At its critical point, carbon dioxide 

is in a hybrid state. It has a high density (like a liquid) but it 

is easily compressed (like a gas). Many organic compounds 

dissolve in supercritical carbon dioxide. The solvent is easily 

separated from a reaction mixture because it evaporates at room 

temperature and pressure. It is also used to separate substances 

from mixtures. It can extract caffeine from coffee beans, dry- 

clean clothes, or clean circuit boards. ■ 

Decaffeinating Coffee 

Caffeine dissolves 
inside coffee beans 
soaked in water. 

\ 

lives 
leans 

Extraction 

Caffeine diffuses into 
supercritical C02. 

i Absorption 

Water droplets leach 
caffeine from C02. 

After the caffeine is extracted, the 
coffee beans are dried and roasted. 
The aqueous solution of caffeine is 
sold to soft drink manufacturers. 

Si Optical Glass 

Glass is a material with the structure of a liquid, 

but the hardness of a solid. In most solids, the 

particles are arranged in an orderly lattice. In 

solid glass, the molecules remain disordered, 

as in a liquid. The main ingredient in most 

glass is silica (Si02), which is one of the few 

substances that can cool without crystallizing. 

The glass used in eyeglasses, microscopes, 

and telescopes is called optical glass. It is 

purer than window glass and transmits more 

light. Optical glass can be drawn into long 

fibers that are used like tiny periscopes to 

view tissues deep within the human body. 

In an optical fiber, light travels through a 

thin glass center called the core. A second 

glass layer reflects light back into the core. 

An outer plastic layer protects the fiber 

from damage. 

When the fibers are bundled into cables, 

they often replace electrical cables in 

computer networks. They are also used to 

transmit television signals and phone calls 

over long distances. ■ 

J 



I Si Semiconductors Beyond Buckyballs 

With a cellular phone, you can call your 

friends from almost any location. You can 

play a video game, read e-mails, or get the 

latest news. You may even be able to take 

and send digital photos. How can such a 

complex device be small enough to fit in 

your pocket? Semiconductor technology 

is responsible. 

t « •• *0 0* 

9 9 0 0 9 9 9 9 

9 9 9 9 9 9 9 9 

Pure silicon 

Buckminsterfullerene (C60) 

is one member of a family of 

fullerenes. These structures 

are closed-cage spherical or 

nearly spherical forms of 

elemental carbon. The cages 

are networks of 20 to 600 

carbon atoms. 

Silicon is a semiconductor. In its pure form, 

it conducts an electric current better than 

most nonmetals but not as well as metals. 

But its ability to conduct can be changed 

dramatically by doping, or adding traces 

of other elements, to the silicon crystal. 

Doping with arsenic produces a donor, or 

n-type, semiconductor. Each arsenic atom 

has five valence electrons, compared with 

four for silicon. So there are extra electrons 

in the crystal. Doping with boron produces 

an acceptor, or p-type, semiconductor. 

Because boron has only three valence 

electrons, there is a positive “hole” in the 

crystal for every boron atom. The extra 

electrons or holes are free to move and 

conduct an electric current. 

9 9 9 9 9 9 9 9 

9 9 9 9 9 9 9 9 

9 9 9 9 9 9 *0 

p-type (with boron) 

9 9 9 9 9 9 9 9 

9 9 9 9 9 9 9 9 

9 9 9 9 9 9 9 9 

n-type (with arsenic) 

Combinations of n-type and p-type semiconductors are used 

to build tiny electronic components. An integrated circuit - 

containing millions of components can fit on a semiconductor 

wafer that is smaller than a fingernail! The resulting “chip” 

can control a computer, portable CD player, calculator, or 

cellular phone. ■ 

A cell phone’s integrated 
circuit must process more 
and more data as features 
are added to the phone. 

One name for diamonds is "ice." 
A diamond can quickly draw heat from 

your hand when you touch it. Such a 
high thermal conductivity is unusual for 
a substance containing covalent bonds. 

Did You Know.. 

Scientists have verified the 

existence of nesting spheres 

of fullerenes. C60 can be 

nested inside C240, and this 

pair can be nested inside C540. 

These nesting structures are 

sometimes called bucky- 

onions because they resemble 

the layers of an onion. ■ 

Dr. Sumio lijima discovered a 
tubular fullerene, or carbon 
nanotube, in Japan in 1991. 
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Greenhouse Gases 

There are gases in Earth’s atmosphere that are 

called greenhouse gases because they act like 

the glass in a greenhouse. Sunlight easily passes 

through these gases to Earth’s surface. Some of 

the solar energy is reflected off the surface as 

infrared radiation. This radiation is absorbed 

by greenhouse gases and radiated back to 

Earth. By trapping infrared radiation, the 

greenhouse gases keep Earth’s surface about 

33°C warmer than it would be otherwise. 

Carbon dioxide (C02) is the most abundant 

greenhouse gas. It is released into the air as a 

product of cellular respiration and removed 

from the air during photosynthesis. Such 

interactions normally keep the amount of 

atmospheric C02 in check. But the burning of 

fossil fuels releases more than 20 billion metric 

tons of C02 every year. Also, as forests are 

cleared for agriculture, the ability of plants to 

remove C02 from the atmosphere is reduced. 

With an increase in greenhouse 
gases, more infrared radiation is 
trapped, causing global warming. 

A - 

The glass in a 
greenhouse 
traps infrared 
radiation. 

Scientists agree that a rise of only a few degrees 

in Earth’s temperature could cause problems. 

They disagree on how severe the problems 

could be. Could climates change so that farm¬ 

lands become deserts? Could the melting of 

ice caps cause sea levels to rise until coastal 

cities are under water? ■ 

Average Temperature at Earth's Surface 

Year 

J 

I si Composite Materials 

Most composites contain two distinctly 

different materials. The materials can be 

arranged in layers as when a sheet of plastic 

is sealed between panes of glass. Or a composite 

may consist of a matrix in which fibers of 

a second material are embedded. Often, the 

matrix is plastic. The fibers can be carbon. 

When a hockey stick 
has a composite shaft, 
there can be a quicker 
release of the shot. 

Polycrylonitrile (PAN) is used to make some 

carbon fibers. PAN fibers oxidize when they 

are heated in air. The chains of aromatic rings 

that result are then heated in the absence of 

air. The chains fuse into long thin ribbons of 

almost pure carbon, which pack together in 

stacked layers. 

Composites reinforced with carbon fibers are 

stronger than steel, yet light in weight. These 

composites are used in sports equipment, such 

as hockey sticks and golf clubs. It is less tiring 

to swing a tennis racket made from a carbon- 

fiber composite than one made from wood or 

metal. Carbon-fiber baseball bats act more 

like wood bats than do aluminum bats. ■ 
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Recycling Plastics Carbon Monoxide 

At about 2 kg of waste per person per 

day, the United States leads the world 

in the production of solid waste. 

Luckily, the United States is also a leader 

in recycling. It is important to recycle 

plastics because they are made from 

crude oil, a non-renewable resource. 

Also, some plastics release toxic gases, 

such as hydrogen cyanide (HCN) and hydrogen chloride 

(HC1), when they burn in an incinerator. Finally, plastics 

are used for packaging material because they do not decay 

when exposed to sunlight, water, or microorganisms. The 

downside of this resistance to decay is that plastics can 

remain unchanged in dumps and landfills for decades. 

Plastics are usually sorted by type before they are melted and 

reprocessed. The plastics industry has a code to identify 

common types of plastics. The numeral 1 is assigned to 

polyethylene terephthalate (PET), which is used in soft- 

drink bottles. The numeral 2 refers to high-density 

polyethylene (HDPE), which is used in milk jugs and 

shampoo bottles. These are the two types in greatest 

demand. Carpets and clothing are made from 

recycled PET fibers. Recycled HDPE is used as a 

wood substitute for decks and benches. ■ 

Fleece clothing often contains post¬ 
consumer recycled (PCR) plastic. 

■ si Silicone Polymers 

If you have worn hard contact 

lenses or used shaving cream, 

you have used a silicone. 

Silicone polymers have chains 

in which silicon and oxygen 

alternate. The properties of 

silicones depend on the groups 

bonded to the silicon atoms 

and the length of the chains. 

CH, 

ch3 

I . ° 
Si 

CH„ 

ch3 

I 
Si 

I 
CH, 

CH, 

Si CH, 

CH, 

In silicone rubber and resins, 

there are cross-links between 

the chains. These silicones 

repel water and remain elastic, 

even at low temperatures. 

They are used in space suits, 

as gaskets in airplane win¬ 

dows, and as sealants that 

are squeezed into place 

and left to harden. ■ 

In polydimethylsiloxane, two 
methyl groups are bonded to 
each silicon atom in the 
chain. Polydimethylsiloxane 
is used as a lubricant in skin 
and suntan lotions. 

It is hard to detect colorless, 

odorless carbon monoxide 

gas. When it is inhaled, its 

molecules bind to the 

hemoglobin in red blood cells. 

They bind about 200 times 

more effectively than oxygen 

molecules do. So less oxygen 

reaches body tissues. Head¬ 

aches, dizziness, nausea, and 

drowsiness are symptoms of 

low-level carbon monoxide 

poisoning. Higher levels of 

carbon monoxide are fatal. 

The incomplete combustion 

of fuel in gas furnaces and 

space heaters produces carbon 

monoxide. It also forms in 

internal combustion engines 

that are not well maintained. 

In the United States, cars 

have catalytic converters, 

which convert carbon 

monoxide to carbon dioxide. 

Cigarette smoke contains 

carbon monoxide. The 

carbon monoxide from one 

cigarette can remain in a 

smoker’s blood for several 

hours. Smoking increases the 

risk of heart attacks because 

the heart must pump harder 

to deliver oxygen to cells 

when the level of oxygen 

is reduced. ■ 

0 Did You Know. 
Members of the Scott expedition to 

the South Pole in 1912 may have died 
because of tin. Their supply of paraffin 
fuel leaked out through tiny holes in the 

tin-soldered joints of the storage cans 
because tin slowly changes to a powder 

below 13°C. 
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7 5 

N 
Nitrogen 

14.007 

Nitrogen ! discovered in 

1772 by Daniel Rutherford 

15 

P 6 
Phosphorus 

30.974 

Phosphorus 1 discovered 

in 1669 by Hennig Brand 

33 

As ’! 
Arsenic 

74.922 

Arsenic 1 discovered in 

1250 by Albertus Magnus 

51 8 

Sb S 
5 

Antimony 

121.75 

Antimony 1 discovered in 

1600s or earlier 

Bismuth i described in 

1450 by Basil Valentine; 

shown to be a distinct 

element in 1753 bv 

83 | 

Bi ?l 
Bismuth 5 

208.98 

Claude-Frangois Geoffrey 

_ 

J 
Physical Properties 

• Except for nitrogen gas, 

Group 5A elements are 

solid at room temperature. 

• The metallic properties of 

Group 5A elements increase 

from top to bottom within 

the group. N and P are 

nonmetals. As and Sb are 

metalloids. Bi is a metal. 

White phosphorus is very reactive 
and must be stored under water. 
Red phosphorus is much more stable. 

Liquid nitrogen is a cryogen, 

a liquid refrigerant that boils 

below -160°C. 

• The 10 allotropes of 

phosphorus are classified 

as white, red, or black. 

• Nitrogen is obtained from the fractional 

distillation of liquefied air. 

• Phosphorus is derived from phosphate 

minerals. Example: 

Ca3(P04)2(s) + 3Si02(s) + 5C(s) —> 

2P (/) + 3CaSi03(s) + 5CO(g) 

• Arsenic is prepared by heating a mixture of 

FeAs2 and FeS2 in the absence of air. 

• Antimony is prepared by roasting the ore 

stibnite, Sb2S3. 

Fractional Distillation of Air 

Distillation column 

•N2(g) 

Ar(g) 

-CM/) 
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First Ionization Energy Electronegativity 

Atomic Properties 

Group 5A elements have 

an electron configuration 

that ends in ns2np3. 

The most common oxidation 

numbers for Group 5A 

elements are +3, +5, and -3. 

Nitrogen has oxidation 

numbers from -3 to +5 in a 

variety of stable compounds. 

Elemental nitrogen, N2, is 

highly unreactive due to its 

strong N-to-N triple bond. 

Atomic 
radius (pm) 

N 
70 

P 
109 

As 
122 

Sb 
137 

Bi 
170 

Ionic 
radius (pm) 146 212 

fWJ 
222 62 74 

N3“ pS- As3" Sb5+ Bi5+ 

BBSHB 
Nitrous oxide, N20, (laughing gas) is an 

anesthetic. It is made from ammonium nitrate. 

NH4N03(s) N20(g) + 2H2Q(g) 

Nitrogen dioxide, N02, is an air pollutant 

produced when fossil fuels bum. 

Lightning causes the nitrogen and oxygen in 

air to react and form nitric oxide, NO. 

Poisonous hydrazine, N2H4, is used as a rocket 

fuel. It is prepared by the following reaction. 

2NH 3(aq) + OC l~(aq) —» 

Phosphoric acid is used in soft drinks 

and fertilizers. It is made by a double¬ 

replacement reaction. 

Ca3(P04)2(s) + 3H2S 04(aq) —> 

N2H4(aq) + Cl (aq) + H20(/) 

The reaction is complex. One intermediate is 

chloramine, NH2C1, which is also poisonous. 

If you ignore the warning against mixing 

household ammonia and chlorine bleach, 

chloramine will be produced. 

Nitric acid, HN03, is used in fertilizers 

and explosives. Nitric acid is made by the 

Ostwald process. 

3CaSO 4(aq) + 2H3P04(<zg) 

Dentists use phosphoric acid to etch the 

exposed dentine layer of a drilled tooth to 

help a filling adhere to the tooth. 

Ammonia is synthesized directly from its 

elements by the Haber-Bosch process. 

3H2(g-) + N2(g) —> 2NH3(g) 

AH — 46.19 kj/mol 

Amino acids such as glycine, H2NCH2COOH, 

are the building blocks of proteins. 

Bismuth subsalicylate, Bi0(C7Hs03), is the 

active ingredient of a pink liquid antacid. 

Arsenic trioxide, As203, is powerful poison. 

It is used as a weed killer and insecticide. 

Antimony is added to alloys to increase 

their hardness. 

Ostwald Process 

Oxidation by 

02 at 850°C; IMO 

Pt catalyst 

Oxidation by 

02 at 25°C N0* 

Dissolve in 
hno3 

warm H20 J 

I 
NO is a by-product 

Ammonia is oxidized to 
nitrogen dioxide in two 
stages. The nitrogen 
dioxide forms nitric acid 
as it passes through 
warm water. 
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Ammonia 

The nitrogen in air is not 

in a form that is useful for 

plants. Natural sources of 

usable nitrogen in soil aren’t 

sufficient to support current 

levels of crop production. 

A German chemist named 

Fritz Haber came up with 

a solution. He figured out 

how to convert atmospheric 

nitrogen into ammonia. In 

the Haber process, nitrogen 

and hydrogen are heated 

under pressure in the 

presence of iron. 

N2(g) + 3H2(g) > 2NH3(g) 

The ammonia is liquefied. 

Liquid ammonia, aqueous 

solutions of ammonia, and 

ammonium salts are used as 

fertilizers. Liquid ammonia 

is also used as a refrigerant. 

Many cleaning products 

contain aqueous ammonia, 

which is a weak base. 

Ammonia is also used to 

manufacture explosives. ■ 

Haber Process 

N2(g) + H2(g) 
Reaction 
chamber 

Compressor T= 500°C 
P= 105 kPa 

un reacted 
I N2(g) + H2(g> * 

_ .. 

f 
imh3(/) 

storage tank 

When the reaction mixture is 
cooled, the ammonia is liquefied 
and separated from the reactants. 

■ 

Explosives 

Explosions are extremely rapid 

exothermic reactions that produce 

gaseous products. The most 

forceful explosions occur when 

the reactants are liquids or solids. 

Pressure builds up as the reactants 

are converted to gases, especially 

if the gases are confined. When 

the gases expand, the resulting 

release of pressure causes a shock 

wave. The kinetic energy of this 

wave, the wind that follows it, 

and the heat is the destructive 

force of the explosion. 

An explosion requires fuel and an 

oxidizer. If the oxidizer and fuel are separate, the reaction is a 

combustion reaction. This type of explosion could occur if 

natural gas leaking in a building was ignited by a spark or flame. 

CH4 + 202(g) —> C02(g) + 2H20(g) AH = 890 kj/mol 

If the fuel is its own oxidizer, a decomposition reaction takes 

place. Nitroglycerine, C3H5(N03)3, is a thick, pale, oily liquid. 

It decomposes to form a mixture of gaseous products. 

4C3H5(N03)3(/) —» 6N2(g) + 02(g) + 12C02(g) + 10H2O(g) 

AH = -1427 kj/mol 

Self-oxidizing explosives are often unstable. Jarring them may 

be enough to cause detonation. Alfred Nobel, a Swedish chemist 

and inventor, found a way to use nitroglycerine with less risk. 

After his family’s nitroglycerine factory exploded in 1864, 

he moved his experiments to a barge in the middle of a lake. 

One day he found a cask of nitroglycerine that had leaked. 

Luckily, the diatomaceous earth in which the cask was packed 

had absorbed the liquid. Nobel found that the mixture was 

stable until detonated by a blasting cap. Plus, the mixture 

was as explosive as the pure liquid. Nobel named his 

invention dynamite. ■ 

in his will, Nobel established a 
fund to provide annual prizes in 
chemistry, physics, physiology and 
medicine, literature, and peace. 
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Acid Rain Fertilizers 

Normal rainfall has a pH of about 5.6. It is mildly acidic because 
carbon dioxide in the air dissolves in tiny water droplets and 
forms carbonic acid (H2C03). In acid rain, the pH is lower due 
to the emission of nitrogen oxides and sulfur oxides into the 
atmosphere. Some natural sources, such as volcanoes, emit these 
oxides. But most come from power plants that burn fossil fuels. 
In the atmosphere, the oxides form nitric acid (HN03) and 
sulfuric acid (H2S04), which fall to Earth in rain or snow. 

Because acid rain leaches nutrients from soil, trees are dying in 
the Appalachian Mountains. Because aquatic species are highly 
sensitive to changes in pH, some lakes once full of fish and frogs 
are nearly lifeless. 

Power plants are a main source of sulfur and nitrogen oxides. 
Chemists developed devices called scrubbers that remove these 
pollutants from smoke. In one type of scrubber, smoke passes 
through an aqueous suspension of lime (CaO). The lime reacts 
with S02 to form solid calcium sulfite (CaS03). 

|n | p 

Most fertilizers contain salts 
of nitrogen, phosphorus, and 
potassium. These elements are 
essential to plant growth. On 
the label, the percents by mass 
of these nutrients are always 
listed in the order N-P-K. 

Another type of scrubber is used to remove nitrogen oxides. 
Ammonia is sprayed onto a surface covered with a mixture of 
catalysts. As smoke passes over the surface, nitrogen oxides react 
with ammonia and oxygen, forming nitrogen and water. 

Researchers have developed some methods for removing both 
types of oxides at the same time. For example, the smoke can be 
passed through an alkaline suspension of yellow phosphorus. 
The chemical reactions that occur convert almost all the oxides 
into valuable by-products, including some of the plant nutrients 

used in fertilizers. ■ 

Because the salts in a fertilizer 
can vary, there are rules for 
reporting the content. Nitrogen 
is always reported as the 
percent by mass of elemental 
nitrogen. Phosphorus and 
potassium are reported as 
the percent by mass of 
phosphorus pentoxide, P205 
and potassium oxide, K20. 

pH ranges of rain 

This map is based on pH data 
collected at about 175 field 
stations in 2002. 

I > 5.3 
1 5.2 - 5.3 
5.1 -5.2 
5.0-5.1 

I 4.9 -5.0 
4.8 - 4.9 

4.7 - 4.8 
4.6 - 4.7 

i 4.5 - 4.6 
I 4.4 - 4.5 
I 4.3 - 4.4 
I < 4.3 

This system makes it easy to 
compare the nutrient content 
of fertilizers. For example, a 
fertilizer labeled 20-10-10 has 
twice the mass of nitrogen as 
a fertilizer labeled 10-10-10. 
But they both contain the 
same mass of phosphorus 
and potassium. The numbers 
may not add up to 100% 
because fertilizers can contain 
ingredients not included in 
the N-P-K analysis, a 

Bid You Know™ 
If nail polish or lipstick contain 
bismuth oxychloride (BiOCI), 
they appear lustrous and pearly. 
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Group 6A 

o 
Oxygen 
15.999 

Oxygen I discovered in 

1772 by Carl Scheele and 

in 1774 by Joseph Priestly 

16 || Sulfur I known since 

g 6 ancienttimes 

Sulfur 
32.06 

34 

Se 
Selenium 

78.96 

1 
Selenium I discovered in 

1817 by Jons Jacob 

Berzelius 

52 | Tellurium I discovered in 

-j-g || 1782 by Franz Joseph 

Tellurium6 Muller von Reichenstein 
127.60 

84 

Po 
Polonium 6 

(209) 

Polonium I discovered in 

1898 by Marie Curie 

Physical Properties 

• Except for oxygen gas, 02, 

Group 6A elements are 

solid at room temperature. monoclinic rhombic 

• The metallic properties 

of Group 6A elements 

increase from top to 

bottom within the group. 

• Polonium is a radioactive 

metal (half-life = 140 days). 

9 •» <j* 
The unit cell in crystalline 
sulfur is an S8 molecule. 

Melting and Boiling Points Density 

10 

8 

6 

4 

2 

0 

9.14 

O S Se Te Po 

V 

Large-scale production of oxygen is by 

fractional distillation of liquid air. Liquid 

oxygen is stored and shipped at its boiling 

point of -183°C in vacuum-walled bottles. 

The Lrasch process is used to mine sulfur 

from underground deposits. A well is drilled 

into a sulfur bed and a set of concentric tubes 

installed. Superheated water melts the sulfur. 

Compressed air forces it to the surface. 

Sulfur is also produced from hydrogen 

sulfide, H2S, and sulfur dioxide, S02. 

2H,S(g) + S02(g) —> 2H20(/) + 3S(s) 

Selenium and tellurium are by-products of the 

processing of sulfide ores for other metals. 

Polonium is formed by the radioactive decay 

of radium in minerals such as pitchblende. 

The Frasch Process 

Compressed air - 

Hot Water 
(180°C) 

Hot sulfur froth 

Solid Sulfur Liquid Sulfur (119°C) 
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First Ionization Energy 

1500 

Atomic Properties 

• Group 6A elements have 

an electron configuration 

that ends in ns2np4. 

• For Group 6A elements, the 

most common oxidation 

numbers are +4, +6, and -2. 

• Oxygen is paramagnetic 

because there are unpaired 

electrons in 02 molecules. 

Atomic 
radius (pm) 

0 
66 

S 
105 

Se 
120 

Te 
139 

Po 
168 

Ionic 

radius (pm) 140 184 198 221 94 
02‘ S2' Se2~ Te2- Po4+ 

Oxygen reacts with almost all other elements 

to form oxides. Example: 

4K(s) + 02(g) —-> 2K20(s) 

AH = -363.2 kj/mol 

Ozone, 03, is produced directly from 

oxygen, 02, during lightening strikes. 

3Q2(g) —» 203(g) AH - +285 kj/mol 

Oxygen is necessary for releasing energy 

from fuels, such as glucose, in organisms. 

C6H1206(s) + 602(g) —► 6C02(g) + 6H20(g) 

AH - —2808 kj/mol 

1/1/hen concentrated sulfuric acid is added to sucrose, 
water vapor (steam) and carbon are produced. The 
release of the vapor causes the carbon to expand. 

Concentrated sulfuric acid, H2S04, is 

a strong dehydrating agent. Example: 

(s) H;S0''> 12C(A + llH20(g) Ci2H220 

Oxygen is used to produce steel and to 

oxidize hydrogen in fuel cells. 

Sulfur compounds often have unpleasant 

odors. Hydrogen sulfide, H2S, smells like a 

rotten egg. It forms when metallic sulfides 

and hydrochloric acid react. Example: 

FeS(s) + 2HC\(aq) —> H2S(g) + FeCl2(aq) 

So people will know when there is a natural 

gas leak, ethyl mercaptan, CH3CH2SH, is 

added to supplies of odorless natural gas. 

Sodium thiosulfate, Na2S203, also known 

as hypo, is used in the development of film. 

The addition of cadmium selenide, CdSe, 

gives glass a beautiful ruby color. 

f feb.-r 

ft*® 
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Group 6A 

lSe Selenium In Food Sulfuric Acid 

Selenium is an antioxidant 

that protects cell membranes 

from damage. In the United 

States, grain is grown on 

selenium-rich soils. Livestock 

and people who eat those 

grains are unlikely to be 

deficient in selenium. 

An essential nutrient may be 

harmful in large doses. Too 

much selenium can damage 

the nervous system. It may 

also cause anxiety and fatigue. 

This milkvetch (Astragalus 
bisulcatus) accumulates high 
levels of selenium. 

Soils in the Great Plains and 

Rocky Mountain regions 

often contain high levels of 

selenium. If cattle graze on 

plants that grow in those 

soils, they may develop 

chronic selenium poisoning. 

The symptoms include loss 

of hair, sore hoofs, lameness, 

and a lack of energy. 

Acute selenium poisoning 

causes cattle to lose their 

vision and stumble aimlessly 

before dying from respiratory 

failure. Cowboys called this 

condition the “blind 

staggers.” bi 

Pure sulfuric acid is a dense, colorless, oily liquid. 

Concentrated sulfuric acid is 98% H2S04 and 2% H,0. 

Dilute sulfuric acid reacts with metals, oxides, hydroxides, or 

carbonates to form sulfates. The reaction with metals also 

releases hydrogen gas. Sulfuric acid can be used to produce 

other acids from their salts. For example, hydrogen chloride 

can be produced from sulfuric acid and sodium chloride. 

H2S04(/) + 2NaCl(s) —* Na2S04(s) + 2HC1 (g) 

Sulfuric acid is produced mainly from 

sulfur dioxide. The process is called the 

contact process because the key reaction 

takes place when the reactants are in con¬ 

tact with the surface of the solid catalyst. 

(1) Melted sulfur is burned in air. 

s (/) + 02(g) —► so2(g) 

(2) Sulfur dioxide is oxidized in 

the presence of a vanadium 

oxide catalyst, V,05. 

2S02(g) + 02(g) 32^ 2S03(g) 

(3) Sulfur trioxide dissolves in 

water and forms sulfuric acid. 

Much of the sulfuric acid produced in 

North America is used to make fertilizers. 

Sulfuric acid is also used in petroleum 

refining, the production of other chemicals 

and for pickling iron and steel. During 

This sidegill slug produces 
sulfuric acid, which 
discourages predators. 

pickling, oxides are removed from the 

surface of a metal. ■ 

When sulfur burns in 
air, the product is the 
irritating gas sulfur 

’ dioxide, S02. 
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o Ozone IH Sulfites 

Near Earth’s surface, ozone (03) is a pollutant. In the 

stratosphere, ozone is literally a lifesaver. The ozone layer in 

the stratosphere absorbs 99% of the sun’s harmful ultraviolet 

(UV) radiation. In the 1970s, scientists began to suspect that 

the ozone layer might be threatened. They based their concerns 

on laboratory models. In 1985, their suspicions were confirmed 

when British researchers discovered a “hole” in the ozone 

layer over Antarctica. In the winter, the amount of ozone was 

reduced by almost one half. 

The scientists traced the thinning of the ozone layer to 

chlorofluorocarbons (CFCs). These chemicals were used 

mainly as propellants in aerosol spray cans and as coolants 

in refrigerators and air conditioners. CFCs are highly stable 

and inert in the lower atmosphere. Over time, they drift up 

into the stratosphere, where they are broken down by solar 

radiation. Through a repeated cycle of reactions (2) and (3), 

a single chlorine atom can destroy as many as 100,000 

molecules of ozone. 

(1) CC13F—> Cl- + -CC12F 

(2) Cl- + 03 —> CIO- + 02 

(3) CIO- + 0 —> Cl- + 02 

Ancient Egyptians and Romans 

used sulfur dioxide (SO,) to 

preserve food. When S02 

reacts with water, hydrogen 

sulfite ions (HS03_) and 

sulfite ions (S032-) form. 

The food industry uses the 

term sulfite to describe sulfur- 

based preservatives. Sulfites 

are antioxidants that slow 

down the discoloration or 

deterioration of food. 

In 1978, the United States banned the use of CFCs in aerosols. 

By 1990, 40 nations had agreed to eliminate production of 

CFCs. The ban has had an effect. Concentrations of CFCs 

have begun to level off in the stratosphere and even decline 

in the lower atmosphere. ■ 

Scientists estimate that it may take 
decades for the ozone layer to 

reach pre-1980 levels. On 
September 9,2000, the "hole" 

over Antarctica was record 
size. The amount of ozone 
is low in the blue areas. 

Restaurants used to spray 

fruit and lettuce in salad bars 

with sulfites to maintain the 

color of the fruit and keep 

the lettuce from wilting. 

Sulfites can cause asthma 

attacks and headaches. After 

some people died from 

severe reactions, the Food 

and Drug Administration 

banned the use of sulfites on 

fresh produce. Sulfites must 

be listed on the food label if 

a processed food contains at 

least 10 parts per million, m 

* DidYouKnow. 
Organic compounds containing sulfur give 

onions their taste and smell. When an 
onion is cut, reactions occur that produce 
propanethial-S-oxide. When receptors in 
your eyes are exposed to this irritating gas, 

they trigger the production of tears. 
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Group 7 A: Halogens 

vMr'1' ;■■■ 

" ';V 
' -1? k& 

g 2 Fluorine I discovered in 

p 7 1886 by Henri Moissan 

Fluorine 

18.998 

Physical Properties 

• Halogens are nonmetals. At 

room temperature, fluorine 

and chlorine are gases and 

bromine is a liquid. Iodine 

and astatine are solids. 

• Halogens are very reactive. 

The reactivity decreases 

Chlorine 

35.453 

Chlorine I discovered in 

1774 by Carl Wilhelm 

Scheele 

35 2 Bromine I discovered in 

gj. 1826 by Antoine-Jerome 

Bromine Balard 

79.904 

53 2 Iodine I discovered in 

t is 1811 by Bernard Courtois 
A 7 

Iodine 

126.90 

85 2 Astatine I discovered in 

aJ 1940 by Dale R. Corson, 

i? K. R. Mackenzie, & 

<210> Emilio Segre 

from fluorine to astatine. 

Halogens do not exist in the 

elemental form in nature. 

• Astatine isotopes are radio¬ 

active with short half-lives. 

Melting and Boiling Points 

200 
o 
- 100 
a> 

1 0 
(0 

|-100 
E 
£ -200 

-300 

59 

_ 

184 

114 

-188 

-22 

F 

-35 -7 

-101 
■ bp 

mp 
0 

Cl Br I 

L 

There are vapors in the bromine 
and iodine tubes because bromine 
is volatile and iodine sublimes 
easily at room temperature. 

Density 

F Cl Br I 

r 

• Chlorine gas is made commercially by the 

electrolysis of brine. 

2NaCl (aq) + 2HzO(/) —> 

Cl2(g) + H2(g) + 2NaOH(*7) 

• Bromine is obtained from seawater by 

a displacement reaction with chlorine. 

2NaBr(zzg) + Cl2(g) —* 2NaCl(<3g) + Br2(/) 

• Iodine is found in brine and in sodium iodate, 

NaI03, in deposits of sodium nitrate. Iodine is 

produced from NaI03 by this redox reaction. 

2NaI03(zzg) + 5NaHS03(z7z/) —> 

I2(g) + 2Na2S04(zz<?) + 3NaHSO 4(aq) + H,Q (/) 

• Fluorine is made by the electrolysis of 

potassium fluoride, KF, dissolved in 

liquid hydrogen fluoride, HF. 

Fluorite, CaF2, is the principal 
mineral of fluorine. The 
term fluorescent comes 
from this mineral, which 
glows in the presence 
of UV radiation. 

R32 Elements Handbook 



First ionization Energy Electronegativity 

Atomic Properties 

• Group 7A elements have 

an electron configuration 

that ends in ns2np5. 

• Halogens exist as diatomic 

molecules. 

• Each halogen has the 

highest electronegativity 

in its period. 

• The most common ionic 

charge for halogens is 1 -. 

Except for fluorine, halogens 

also have positive oxidation 

numbers of +1, +3, +5, 

and 4-7. 

Atomic 
radius (pm) 

F 
62 

Cl 
102 

Br 
120 

1 
140 

At 
140 

Ionic 
radius (pm) 133 181 196 220 

F“ ci- Br“ 1 

Chlorine forms four anions 
with oxygen. The oxidation 
number of chlorine is 
different in each anion. 

Hypochlorite Chlorite Chlorate Perchlorate 

Important Compounds and Reactions 

• Halogens form metal halides. Example: 

2Na(s) + Cl2(g)-> 2NaCl(s) 

AH = — 411 kj/mol 

• Halogens form hydrogen halides. Example: 

H2(g) + Cl2(g) —> 2HCl(g) 

AH = -92.3 kj/mol 

• Dry bleach is a mixture of compounds 

represented by the formula CaCl(ClO). Dry 

bleach is used to bleach paper and textiles. 

It also removes stains and disinfects laundry. 

Ca(OU)2(aq) + Cl2(g)-> 

CaCl(C10)(atf) + H20(/) 

• Small amounts of oxygen are produced in the 

laboratory by heating potassium chlorate, 

KC103. Potassium chlorate is an oxidizing 

agent in fireworks, matches, and explosives. 

2KC103(s) —> 2KCl(s) + 302(g) 

• Canisters of sodium chlorate are used on 

submarines to produce oxygen. They are 

carried on airplanes in case of an emergency. 

• Chlorine is used to make the monomer vinyl 

chloride, CH2= CHCl, which reacts to form 

the polymer polyvinyl chloride (PVC). 

Chlorine reacts 
vigorously with 
sodium to form 
solid sodium 
chloride. 

Hydrofluoric acid (HF) is made from the 

mineral fluorite and sulfuric acid. Although 

HF is extremely dangerous, it has many uses, 

including cleaning metals and frosting glass. 

CaF2(s) + H2SO4(aq) —> 2HF(g) + CaS04(s) 

Nonstick pans are coated with a polymer of 

tetrafluoroethene, F2C = CF2. 

Tincture of iodine is a solution of iodine, I2, 

and potassium iodide, KI, in alcohol. It is an 

example of an iodine-based skin disinfectant. 
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f Group 7A: Halogens 

Tooth Decay 

Your teeth have a hard outer 

layer called enamel. Enamel is 

mainly calcium carbonate, 

CaC03, and hydroxyapatite, 

[Ca3(P04)2]3-Ca(0H)2. Lactic 

acid, C3H603, is the main 

cause of tooth decay. It forms 

when bacteria in saliva feed 

on sugars present in the sticky 

plaque on tooth surfaces. An 

increase in H+ concentration 

causes the minerals in tooth 

enamel to decay faster. 

Swimming Pool Chemistry 

The person who maintains a swimming 

pool has two main goals. Prevent the 

growth of bacteria that cause diseases. 

Prevent the growth of algae that can 

foul the water and clog the filters. 

Chlorine compounds are used to dis¬ 

infect pool water. “Liquid chlorine” 

contains sodium hypochlorite, NaClO. 

“Dry chlorine” is calcium hypchlorite, 

Ca(C10)2. When hypochlorite ions 

dissolve in water, hydrolysis occurs 

and weak hypochlorous acid, HCIO, 

is produced. 

Lluoride ions are added to 

the water supply in many 

cities. Most toothpastes 

contain fluoride ions. The 

ions replace hydroxide 

ions in hydroxyapatite 

to form fluoroapatite, 

[Ca3(P04)2]3-CaL2. This 

replacement makes the 

enamel more resistant. 

C1Cr(aq) + H20(/) ^ HOCl(aq) + OH"(^) 

The amount of undissociated hypochlorous acid in the pool 

water depends on the pH. If the pH is too high, the hydrolysis 

reaction will shift toward the reactants and reduce the concen¬ 

tration of HCIO. If the pH is too low, too much acid will form. 

A high concentration of acid can cause eye irritation, damage 

plaster, and corrode the metal piping and filters in the pool. 

If the pH of the pool water is too high, solid sodium 

hydrogen sulfate can be used to react with the OH- ions. 

Lluoride ions alone won’t 

prevent tooth decay. You 

need to vigorously brush 

your teeth and floss to keep 

plaque from building up on 

tooth enamel, bi 

NaHS04(s) + OH~(aq) —> Na+(aq) + SO42-{aq) + H,0(/) 

If the pH is too low, sodium carbonate can be used to neutralize 

some of the acid. 

Na2C03(s) + 2H+(aq) —> 2Na+(aq) + H20(/) + CO2(aq) 
_/ 

The use of fluorides in drinking 
water and toothpastes has caused 
such a drastic reduction in tooth 
decay that many young adults 
have never had a cavity. 
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Artificial Blood 

Iodized Salt 

The thyroid gland produces 

hormones that help to control 

the body’s growth and the 

energy produced by cells. 

Trace amounts of iodine are 

needed to produce thyroid 

hormones. An adult needs 

about 150 mg of iodine daily. 

Ocean fish are a good source 

of iodine. When people used to 

get most of their food from 

local sources, a person who 

lived far from the ocean often 

had an iodine deficiency. 

To compensate for the lack 

of iodine, the thyroid gland 

might enlarge. A severe 

deficiency could cause 

mental retardation. Adding 

potassium iodide to table 

salt proved to be a simple 

solution to this public 

health problem. 

In the United States, 

iodized salt was first sold 

in 1924. There is about 

400 mg of iodine in a 

teaspoon of iodized salt. 

The purple dye prized by Roman 
emperors and other rulers contains 
bromine. The dye was extracted 
from the mollusk Murex brandaris, 

which lives in the Mediterranean Sea. 

The use of iodized salt has 

virtually eliminated the 

problem of iodine deficiency 

in the United States. ■ 

Did You Know- 

— 

The most important function of blood is its ability to deliver 

oxygen from the lungs to cells throughout the body, and carry 

carbon dioxide from the cells to the lungs. Blood transfusions 

have been the traditional response to blood loss due to severe 

injuries or surgery. Blood transfusions have saved millions of 

lives. But it takes time to determine the recipient’s blood type 

and less common blood types may not be available. Also, 

blood can carry disease-causing bacteria and viruses. 

Some artificial blood contains perfluorocarbons (PFCs). PFCs 

are organic compounds in which all the hydrogen has been 

replaced by fluorine. PFCs can dissolve and transport large 

quantities of oxygen. PFCs are mixed with emulsifiers and 

salts that mimic the composition of blood, minus the cells. 

Large amounts of PFCs can be manufactured and their purity 

controlled. PFCs can deliver oxygen to areas where blood flow 

is restricted by narrowed arteries or tumors. In current trials, 

artificial blood is used to delay the need for blood transfusions 

during surgery. Because PFCs carry less oxygen than hemo¬ 

globin does, the patient must breathe oxygen-rich air. 

Because blood is so complex, scientists may never find a sub¬ 

stitute to perform all its functions. Therefore, there is still a 

great need for donations of human blood. ■ 

The liquid in the beaker is a 
perfluorocarbon that is saturated 
with oxygen. The mouse survived 
by absorbing oxygen from the 
liquid in its lungs. 

___J 
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Group 8A: Noble Gases 
_ 

2 

He 

2 Helium I discovered in 

1868 by Pierre Janssen 

Helium 

4.0026 

Ne 
Neon 

20.179 

18 

Ar 
Argon 

36 2 
8 

Kr 
18 
8 

Krypton 

83.80 

54 

Xe 
Xenon 

86 

Rn 
Radon 

(222) 

Physical and Chemical Properties 

10 2 Neon I discovered in 1898 

by Sir William Ramsay & 

Morris Travers 

Argon 1 discovered in 

1894 by Lord Rayleigh & 

Sir William Ramsay 

Krypton I discovered in 

1898 by Sir William 

Ramsay & Morris Travers 

Xenon I discovered in 

1898 by Sir William 

Ramsay & Morris Travers 

Radon i discovered in 

1900 by Friedrich E. Dorn 

All Group 8A elements are 

monatomic gases at STP. 

Noble gases are colorless, 

odorless, and tasteless. 

The first compound of a 

noble gas, XePtF6, was 

made in 1962. There are 

now more than 100 known 

compounds of fluorine and 

xenon. 

Melting and Boiling Points 

o 

o 
o 

a) 
□ +■» 
cz i- 
0) 
a. 
E 

.3) 

-70 b 

-140 

-210b 

I 
108 _71 

-153 

-185 -157 

-112 

-189 
-246 

-249 

bp 

mp 
-280 b -272 

He Ne Ar Kr Xe Rn 

Incandescent light 
bulbs are filled with 
argon instead of air 
to extend the life of 
the filament. 

In 2000, chemists in Finland 

made a compound of argon, 

FIArF, that exists only at 

temperatures below -246°C. 

Density 

1.78 
a an 

0.18 

He Ne Ar Kr Xe Rn 

Sources 

• Helium is separated from 

natural gas deposits. Neon, 

argon, krypton, and xenon 

are separated from air by 

fractional distillation. 

• Because of its low density, 

helium is used in weather 

balloons and airships. 

• In addition to “neon” 

lights, noble gases are used 

in fluorescent bulbs, strobe 

lights, and headlights. 

• Liquid helium cools the 

magnets used for magnetic 

resonance imaging (MRI). 

Atomic Properties 

• Noble gases have an 

electron configuration that 

ends in ns2np6. Helium (Is2) 

is an exception. 

• Noble gases rarely form 

compounds. When they 

do, the most common 

oxidation number is +2. 

• Each noble gas emits a 

characteristic color in a 

gas discharge tube. 

First Ionization Energy 

2400 b 2372 

E 1800 - 

1200 - 

c 600 - 
UJ 

He Ne Ar Kr Xe Rn 
v_ 

Noble gases have the highest ioniza¬ 
tion energies because their highest 
occupied energy levels are filled. 

Helium Neon Argon Krypton Xenon 

111 

J 
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By 1855, scientists could produce light by 

passing an electric current through a gas 

under low pressure in a sealed glass tube. 

With the discovery of the noble gases, a new 

technology emerged. In 1910, George Claude 

displayed the first neon lamp in Paris, France. 

In 1923, a car dealer from Los Angeles bought two signs that 

spelled out “Packard” for $24,000 (about $250,000 in today’s 

dollars). When he displayed the signs in Los Angeles, people 

described the light as “liquid fire.” By the 1930s, businesses were 

using neon lights to draw the attention of customers. 

Although all noble gases emit visible light when their atoms are 

excited, neon and argon are the gases most often used in neon 

lights. Orange-red lights contain only neon. Other colors are 

produced by adding a bit of mercury to the noble gas. The tube 

is coated with a material that glows when exposed to UV light 

emitted by mercury vapor. ■ 

|Ar Taken For a Ride By Argon 

Whether riding on a paved city street or on an unpaved moun¬ 

tain trail, a bicyclist is likely to find rough patches. When 

faced with rough terrain, the cyclist may worry about the tires, 

but probably not about the bicycle frame. The frame is made 

of steel or aluminum alloy tubes that are joined together. 

The tubes are joined together by Gas Tungsten Arc Welding 

(GTAW). An electric arc is struck between a tungsten electrode 

and the parts to be welded. Heat from the arc melts the ends of 

the tubes and fuses them together. Filler may be placed between 

the ends of the tubes to increase the strength of the joint or to 

produce a smoother joint. 

During welding in air, there is a danger that the metal 

tubes or electrode will oxidize. To prevent 

oxidation, the area around the arc is 

filled with an inert gas, most often 

argon. Welding with argon has an 

added benefit. Because argon is 

a poor conductor of heat, the 

arc that forms is narrow. 

This narrow arc produces 

a weld that is both neat 

in appearance and 

mechanically strong. ■ 

Xe Xenon-Ion Engines 

The signals for a television 

program may bounce off a 

communication satellite. The 

satellite is in orbit above the 

equator. The position of the 

satellite may be maintained by 

a xenon-ion propulsion 

system. 

When electrons strike xenon 

atoms in a xenon-ion engine, 

the atoms lose electrons and 

form positive ions. The ions 

are accelerated by a charged 

grid and shot from the engine 

at about 105 km/h. This 

action pushes, or thrusts, 

the satellite in the opposite 

direction. With multiple 

engines facing in different 

directions, a satellite can be 

moved in any direction. 

Although a xenon-ion engine 

produces a relatively small 

amount of thrust, it can 

provide thrust for months or 

years. This makes xenon-ion 

engines a good choice for 

lengthy space missions. In 

addition, an inert gas poses 

no hazard for the satellite or 

the people who handle the 

propellant tanks. ■ 

Did You Know. 
When liquid helium is cooled to below 

2 K, its viscosity drops to zero. It will 
escape from an unsealed container by 

flowing up the sides of the container. 
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Hydrogen 

1 

H 
Hydrogen 

1.0079 

Hydrogen I discovered in 

1766 by Henry Cavendish 

Sources 

• Hydrogen is rarely 

found on Earth in an 

uncombined state. 

• Electrolysis of water pro¬ 

duces the purest hydrogen, 

but the process requires 

too much energy to be 

economical. 

2H20(/) —> 2H2(g) + 02(g) 

AH = +572 kj 

• Hydrogen is produced 

when methane and steam 

react at 1100°C over a 

nickel catalyst. 

H20(g) + CH4(g) 
CO (g) + 3H2(g) 
AH = +206 kj 

The products pass over 

a metal oxide catalyst at 

400°C. More hydrogen 

is produced as carbon 

monoxide reacts with 

added steam. 

CO (g) + H20 (g)—> 
CO 2(g) + H2(g) 

AH = -41 kj 

Carbon dioxide is removed 

as the gases flow through a 

basic solution. 

CO,(g) + 20H ~(aq) —» 

CO 32~(aq) + H20(/) 

Atomic and Physical Properties 

• Hydrogen has an electron 

configuration of Is1. 

• The most common 

oxidation numbers for 

hydrogen are +1 and -1. 

• Most hydrogen (99.985%) 

is protium, or hydrogen-1. 

• The other stable isotope is 

deuterium (hydrogen-2), 

which has the symbol D. 

Harold Urey discovered 

heavy hydrogen, D2, in 1931. 

• Tritium (hydrogen-3) was 

discovered in 1934. Its half- 

life is 12.3 years. 

Properties of Hydrogen 

Property Value 

Density at STP 0.09 g/L 

Melting point —259°C 

Boiling point —253°C 

Ionization energy 1.312 X103 
kJ/mol 

Electronegativity 2.1 

H 
Atomic 30 

radius (pm) 

Ionic ^ 2 
radius (pm) |_j + 

_I 

Important Compounds and Reactions 

Hydrogen is used to turn liquid 
oils such as corn oil into solid 
margarine. Hydrogen is added 
to carbon-carbon double 
bonds during hydrogenation. 

• Hydrogen forms covalent 

binary hydrides with 

nonmetals. Example: 

H2(g) + Cl2(g) —+ 2HCl(g) 

• Two thirds of the hydrogen 

produced in the U.S. is used 

to synthesize the covalent 

binary compound ammonia. 

• Hydrogen forms ionic 

hydrides with alkali metals 

and alkaline earth metals. 

These hydrides are powerful 

reducing agents. Example: 

Ca(s) + H 2(g) —+ CaH,(s) 

• Hydrogen is used to make 

methanol, CH3OH. The 

reaction takes place at 

200-300 atm and 400°C 

in the presence of a metal 

oxide catalyst. 

CO(g) + 2H,(g) —> 

CH3OH(g) 

Methanol is an industrial 

solvent. It is used to make 

formaldehyde, CH20, which 

is used to make plastics. 
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Heavy Water Reactors I H 

Because 1 in 6000 hydrogen atoms is deuterium, 1 in 

20,000,000 water molecules is D,0. D20 is called heavy 

water because it is about 10% heavier than ordinary “light” 

water. In heavy water nuclear reactors, D20 is used in place 

of H20 as a neutron moderator. Both types of water are good 

moderators, but D,0 is more efficient than H20 because 

D20 absorbs fewer neutrons. So in a heavy water reactor, 

the uranium used to make the fuel doesn’t have to be 

enriched. The initial cost of separating the heavy water from 

light water is offset by the lower cost of the uranium fuel. ■ 
Lake water passes through a series 
of extraction towers in which D20 
is separated from H20. 

___) 

H A Hydrogen Economy H Hydrogen Peroxide 

Hydrogen is a pollution-free tuel. When it burns in air, the 

only product is water with trace amounts of nitrogen oxides. 

No carbon dioxide, carbon monoxide, oxides of sulfur, or 

unburned hydrocarbons are emitted. In a hydrogen economy, 

hydrogen would replace fossil fuels as the energy source for 

heating, transportation, and industrial processes. Achieving 

this goal will require new technology for the production, 

distribution, and storage of hydrogen. 

Large-scale production of hydrogen currently begins with fossil 

fuels. The process emits C02, unless money is spent to trap the 

CO,. Some hydrogen is extracted from biomass sources such 

as wood chips. In the future, green algae may produce hydrogen 

in the presence of sunlight. Liquid hydrogen may be shipped 

in vacuum-insulated tanks or through underground pipes. 

Cars that run on hydrogen fuel are being built. One challenge 

is storing the hydrogen. On the space shuttle, it is stored as a 

liquid. In some vehicles, it is produced from fossil fuels as 

needed. One promising technology is storage of solid hydrogen 

in metal hydrides. ■ 

This is a model of a vehicle in 
which hydrogen is stored in a 
metal hydride at low pressure. 
When the hydride is heated, 
the hydrogen is released. 

The strips used to whiten 

teeth usually contain 

hydrogen peroxide, H202. It 

is a powerful oxidizer that 

doesn’t produce toxic gases 

or unwanted residues. A 3% 

aqueous solution is safe for 

use at home. Stronger con¬ 

centrations are used to treat 

wastewater, bleach paper, 

and produce detergents. 

Hydrogen peroxide can 

inhibit the growth of bacteria 

in water pipes and increase 

the growth of bacteria that 

clean up polluted soils. How 

is this possible? The answer 

is selectivity. Scientists can 

adjust variables such as pH, 

temperature, and concen¬ 

tration so that hydrogen 

peroxide oxidizes one 

pollutant and not another. ■ 

Bid You Know. 
Hydrogen in the center of the sun 

has a density of about 200 g/mL. 
The temperature is about 13 million 

degrees Celsius. Radiation released when 
hydrogen nuclei fuse takes about a 

million years to reach the sun's surface. 
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Transition Metals 

0 

Before 1700 

Au gold 

Ag silver 

Cu copper 

Fe iron 

Hg mercury 

Zn zinc 

1700-1799 

Co cobalt -1735 

Pt platinum 1735 

Ni nickel 1751 

Mn manganese 1774 

Mo molybdenum 1778 

W tungsten 1783 

Ti titanium 1791 

Y yttrium 1794 

Cr chromium 1797 

1800-1899 

V vanadium 1801 

Nb niobium 1801 

Ta tantalum 1802 

Pd palladium 1803 

Rh rhodium 1803 

Os osmium 1803 

Ir iridum 1803 

Cd cadmium 1817 

Zr zirconium 1824 

Ru ruthenium 1844 

Sc scandium 1878 

After 1900 

Lu lutetium 1907 

Hf hafnium 1923 

Re rhenium 1925 

J 

Physical Properties 

• Most transition metals are 

ductile, malleable, and 

good conductors of heat 

and electric current. 

• For transition metals, density 

and melting point tend to 

increase across a series or 

increase to a peak in Group 

6B and then decrease. 

Except for copper and gold, 
transition metals, including 
platinum, have a silvery luster. 

Compounds of transition 

metals tend to have color. 

Density and Melting Points of 
Period 4 Transition Metals 

Sources 

• Transition metals come 

from mineral deposits in 

Earth’s crust. Minerals that 

are used for the commercial 

production of metals are 

called ores. 

• For centuries, people have 

developed techniques for 

separating metals from ores. 

The ore is concentrated 

and the metal removed by 

reduction. Then the metal 

is refined and purified. 

Gold exists as an element in 
nature. But its ore needs to be 
concentrated before the gold 
can be extracted and purified. 
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Trends in Atomic Size for Transition Metals 

Atomic Properties 

Among the transition metals, as atomic 

number increases, there is an increase in the 

number of electrons in the second-to-highest 

occupied energy level. 

In periods 5 and 6, transition metals in the 

same group have identical or almost 

identical atomic radii. Consequently, these 

pairs of elements have very similar chemical 

properties. They tend to occur together in 

nature and are difficult to separate. 
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Chemical Properties 

There is great variation in reactivity among 

transition metals. Scandium and yttrium 

are similar to Group 1A and 2A metals. 

They are easily oxidized on exposure to air 

and react with water to release hydrogen. 

Platinum and gold are extremely unreactive 

and resist oxidation. 

In general, transition metals have multiple 

oxidation states. Compounds in which the 

elements are in their highest oxidation states 

are powerful oxidizing agents. 

Most transition metals form compounds with 

distinctive colors. The color of a transition 

metal compound or solution can indicate the 

oxidation state of the metal. 

In these aqueous solutions, vanadium, 
chromium, and manganese are in their 
highest oxidation states. 

Oxidation Numbers of 
Period 4 Transition Metals 
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Sc Ti V Cr Mn Fe Co Ni Cu Zn 

• most common 

The oxidation number of vanadium is 
+5 in the yellow solution, +4 in the blue 
solution, +3 in the green solution, and 
+2 in the purple solution. 
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Transition Metals 

Catalytic Converters 

In an internal combustion 

engine, some hydrocarbon 

molecules aren’t completely 

oxidized. They form carbon 

monoxide instead of carbon 

dioxide. Some hydrocarbon 

molecules even pass into the 

exhaust without reacting. 

At the high temperature 

and pressure inside an 

engine’s cylinders, some 

nitrogen from the air reacts 

with oxygen to produce 

irritating nitrogen oxides. 

A catalytic converter keeps 

these pollutants from being 

released into the air. Inside 

the converter is a porous 

ceramic cylinder with a 

honeycomb structure. The 

ceramic absorbs particles of 

rhodium and platinum. The 

metals are catalysts for reac¬ 

tions that occur as exhaust 

gases pass through channels 

in the converter. Rhodium 

helps convert nitrogen 

oxides to nitrogen. Platinum 

helps convert hydrocarbons 

and carbon monoxide to 

carbon dioxide and water. ■ 

Ceramic with 
Pt and Rh 

Copper Alloys 

Copper was one of the first 

metals to be widely used. It is 

found uncombined in nature 

or easily reduced from its ores. 

The Roman supply of copper 

came mainly from Cyprus and 

was known as aes Cyprium 

(metal of Cyprus). This name 

evolved to cyprium and then 

cuprium, which is why copper 

has the symbol Cu. Pure 

copper is valued both for its 

ability to conduct an electric 

current and its ability to resist 

corrosion. 

When a bronze bell is struck, 
the clear, loud tone lasts for 
several seconds. 

Around 3500 BC, people began to add tin to copper to form 

bronze. This alloy is harder than pure copper and easier to 

melt for casting. Metalworkers could produce bronze with 

different properties by varying the amount of tin. Bronze 

used to make statues might contain as little as 10% tin by 

mass. Bronze used to make bells would contain 13-25% tin. 

Most copper coins are bronze with 4% tin and 1% zinc. 

Brass is an alloy of copper and zinc. Brass is harder than 

pure copper and more malleable than bronze. Brass 

containing at least 65% copper can be worked when it is 

cold. Brass with 55-65% copper can be worked when it is 

hot. Before large amounts of gold and silver reached Europe 

in the 1500s, brass was the metal used for decorative items. 

Copper that is exposed to oxygen 

and water forms a patina of basic 

copper salts. This thin film 

protects the underlying metal 

from further oxidation. The 

composition of the patina, its 

color, and the rate at which it 

forms vary with the climate. The 

rate is faster near the ocean. ■ 

Historically, brass was used to make 
high-quality scientific instruments. 
This microscope was made in 1765. 
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In 1779, Abraham Darby III built the world's 
first cast-iron bridge across the River Severn in 

DidYouKraw.. 
Swords made with Damascus steel were 
highly valued. The source of this quality 

was the 0.02% vanadium in the iron ore 
that the steel makers used. When they 
began to use a different source of iron 

ore, the quality of their steel declined. 

Transition Metals R43 

Iron and Steel 

Carbon is used to extract iron from its ores. At first, 

people used charcoal from burnt wood. In 1709, 

Abraham Darby invented a process that used coke instead 

of charcoal. Coke is almost pure carbon. It is produced 

when coal is heated and the impurities removed as gases. 

With coke, the production of iron became less expensive 

and more efficient. 

Iron ore is reduced to metallic iron in a blast furnace. Ore, 

coke, and limestone are added at the top of the furnace. 

Molten iron and slag collect at the bottom. The “pig” iron 

produced contains 3-5% carbon and smaller amounts 

of other impurities, which make the iron brittle. Pig iron 

can’t be rolled or welded, but it can be cast. Cast iron is 

used to make stoves and engine blocks for cars. 

Most pig iron is used to make steel. The methods for 

making steel differ, but they all lower the carbon content 

to less than 2% and remove other impurities. About 

90% of the steel produced is carbon steel, which contains 

no other metals. Mild steel, which is malleable and 

ductile, contains less than 0.2% carbon. Medium steel 

(0.2% to 0.6% carbon) is used for structural components, 

such as beams and girders. Because high-carbon steel 

(0.8% to 1.5% carbon) is harder than other carbon steels, 

it is used to make items such as drill bits and knives. 

Transition metals are used to produce alloy steels with a 

specific set of properties. The most common stainless steel 

contains about 18% chromium and 8% nickel. ■ 

Blast Furnace 

Iron ore, coke, 
limestone 

Exhaust gases 
(CO, C02, N2) 

Insulation 

Oxygen 
rich air 

Slag 

Molten iron 
I 

_!_i__I 

Iron ore typically contains Fefi^ 
and Si02. When heated, limestone 
produces CaO, which reacts with 
Si02 to form slag. Slag is used to 
manufacture Portland cement. 
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Transition Metals 

Phytoremediation 

Phytoremediation uses plants 

such as sunflowers, Indian 

mustard, and dandelions to 

remove pollutants from 

contaminated soil and water. 

The contaminants include 

organic solvents, pesticides, 

and toxic metals such as 

cadmium and chromium. 

Plants have a natural ability 

to absorb nutrients through 

their roots. Often a plant 

does not distinguish a toxic 

metal such as cadmium from 

a nutrient such as zinc 

because these metals have 

similar chemical properties. 

So cadmium is absorbed and 

transported to the leaves and 

stems, where it accumulates. 

The plants are composted or 

burned after harvesting.The 

metal residues are buried in 

an approved landfill or 

recovered through smelting. ■ 

II Fe IM Co 

:iAu 

Gold occurs chiefly as small 

flecks of free metal in veins of 

quartz. About 5 g of gold is 

produced from a metric ton 

(106 g) of gold-bearing rock. 

Permanent Magnets 

Refrigerator magnets contain a barium ferrite, 

Ba06Fe203, or strontium ferrite, Sr06Fe203, 

powder, which is embedded in plastic or rubber. 

Horseshoe magnets usually contain an alloy of 

aluminum, nickel, and cobalt. 

Iron, nickel, and cobalt are strongly attracted 

to magnetic fields. When these metals are 

exposed to a magnetic field, their cations line 

up in an orderly arrangement. When the field 

is removed, the ions remain lined up, and the 

material can act as a magnet. This type of 

magnetism is called ferromagnetism. 

A magnet retains its strength unless it is heated 

past a point called the Curie temperature. For 

iron, this temperature is 1043 K. For cobalt, 

it is 1388 K. For nickel, it is 627 K. 

Magnets made from a neodymium, boron, 

and iron alloy are very powerful. If they are 

allowed to fly together, they will shatter. 

They are used to check for counterfeit bills 

because they can detect tiny magnetic 

particles placed in the ink of genuine bills. ■ 

The wrench is strongly attracted to 
the tiny neodymium-iron-boron cube. 

Gold can be pounded into 

sheets so thin that they will 

transmit light. These sheets, 

called gold leaf, are used for 

lettering and decoration in 

general. Gold is used on the 

outside surfaces of satellites 

because it resists corrosion. 

Its high electrical and 

thermal conductivity make 

gold a good choice to plate 

contacts in microcircuits. 

Pure gold is alloyed to make 

it harder and more durable. 

Gold alloys are safe to use as 

fillings for teeth because gold 

is highly unreactive. 

Units called karats (k) are used 

to describe the purity of gold. 

Pure gold is 24k or 100% 

gold. Gold in coins is usually 

22k or 92% gold. Gold in 

rings is often 14k (58%). ■ 



Micronutrients 

Trace amounts of some 

transition metals are essential 

for human health. 

Iron is found mainly in 

hemoglobin and myoglobin. 

Hemoglobin is the protein 

that transports oxygen in 

blood. Myoglobin is the 

protein that stores oxygen 

in muscle tissue. Vitamin C 

helps the absorption of iron 

by promoting the reduction 

of Fe3+ ions to Fe2+ions. 

Zinc is a cofactor in many 

enzymes. It helps protect the 

immune system. Hormones 

that control growth and 

reproduction do not function 

properly without zinc. A lack 

of zinc impairs the sense of 

taste and reduces the 

appetite. 

Copper is a component 

of enzymes that control 

the synthesis of melanin, 

hemoglobin, and phospho¬ 

lipids in the sheath that 

protects nerves. 

Molybdenum affects the 

absorption of copper. It is 

also needed for the oxidation 

of lipids and the metabolism 

of sulfur and nitrogen. 

Chromium assists in the 

metabolism of glucose and 

may help to control adult- 

onset diabetes. A lack of 

chromium may affect growth. 

Manganese is required for 

the proper function of the 

nervous system and the 

thyroid gland. It is needed 

for glucose metabolism. It 

helps maintain healthy 

bones and cartilage. 

Cobalt is a component 

of vitamin B]2, which is , 

required for the synthesis 

of red blood cells. ■ 

Transition Metal Micronutrients 

Element RDA or Al* Dietary Sources 

Iron 10 mg RDA (M) 
20 mg RDA (F) 

liver, green vegetables, egg 
yolk, fish, whole wheat, nuts, 
oatmeal, molasses, and beans 

Zinc 11 mg RDA (M) 
8 mg RDA (F) 

liver, eggs, meat, milk, whole 
grains,and shellfish 

Copper 900 qg RDA beans, peas, and shellfish j 

Molybdenum 45 qg RDA beans, peas, and whole grains 

Chromium 35 ng Al (M) 
25 /rg Al (F) 

meat and whole grains 

Manganese 2.3 mg Al (M) 
1.8 mg Al (F) 

nuts, whole grains, dried fruits, 
and green leafy vegetables 

* 

Suncreens 

You need some exposure to 

sunlight so your skin cells can 

make vitamin D, which is 

needed for healthy bones and 

teeth. Yet the UV radiation in 

sunlight can damage skin 

cells and even lead to skin 

cancer. The best way to 

protect your skin is to limit 

your time in the sun. The next 

best way is to use a sunscreen. 

All the active ingredients in 

sunscreens protect against 

UVB light (280-320 nm), 

which is the primary cause of 

sunburn. Some protect against 

UVA light (320-400 nm), 

which penetrates deeper and 

causes long-term damage. 

A sun protective factor rating 

(SPF) measures only how 

effective a sunscreen is 

against UVB, not UVA. 

Titanium dioxide, Ti02, can 

reflect and scatter UV light. 

This stable and nonirritating 

oxide has one drawback. It 

looks like white paint on the 

skin. One manufacturer has 

addressed this problem by 

decreasing the size of the 

Ti02 particles to a diameter 

of about 21 nm. At this size, 

Ti02 appears transparent 

because its particles are 

smaller than wavelengths of 

visible light and light isn’t 

reflected by the particles. ■ 

Did You Krisw_ 

"■Recommended Dietary Allowance or Adequate Intake 

An octopus has blood that is blue, not 
red, because the compound that trans¬ 

ports oxygen in an octopus contains 
copper, not iron. Snails, oysters, and 
spiders are also bluebloods. 
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r Table B.1 

SI Units and Conversion Factors 

Length SI Unit: meter (m) Mass SI Unit: kilogram (kg) 

1 meter = 1.0936 yards 

1 centimeter = 0.39370 inch 

1 inch = 2.54 centimeters 

1 mile = 5280 feet 

= 1.6093 kilometers 

1 kilogram = 1000 grams 

= mass weighing 2.2046 lbs 

1 amu = 1.66057 X 10-27 kilograms 

Time SI Unit: second (s) 

1 hour = 60 minutes 

1 hour =3600 seconds Volume SI Unit: cubic meter (m3) 

1 liter = 10 3 m3 

= 1.0567 quarts 

1 gallon = 4 quarts 

= 8 pints 

= 3.7854 liters 

1 quart = 32 fluid ounces 

= 0.94635 liter 

Energy SI Unit: joule (J) 

1 joule = 1 kg • m2/s2 (exact) 

1 joule = 0.23901 calorie 

1 calorie =4.184 joules 

Pressure SI Unit: Pascal (Pa) 

1 atmosphere = 101.3 kilopascals 

= 760 mm Hg (torr) 

= 14.70 pounds per square inch Temperature SI Unit: kelvin (K) 

1 kelvin = 1 Celsius degree 

°C = (5/9) (°F - 32) 

kelvin temperature = °C + 273.15 
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Table B.2 

Some Properties of the Elements 

Element Symbol Atomic 
number 

Atomic 
mass 

Melting 
point (°C) 

Boiling 
point (°C) 

Density (g/cm3) 
(gases at STP) 

Oxidation 
numbers 

Actinium Ac 89 (227) 1050 3200 10.07 +3 
Aluminum Al 13 26.98154 660.37 2467 2.6989 +3 
Americium Am 95 243 994 2607 13.67 +3, +4, +5, +6 
Antimony Sb 51 121.75 630.74 1587 6.691 —3, +3, +5 
Argon Ar 18 39.948 -189.2 -185.7 0.0017837 

Arsenic As 33 74.9216 817 613 5.73 — 3, +3, +5 

Astatine At 85 (210) 302 337 — 

Barium Ba 56 137.33 725 1640 3.5 + 2 

Berkelium Bk 97 (247) 986 — 14.78 

Beryllium Be 4 9.01218 1278 2970 1.848 + 2 

Bismuth Bi 83 208.9804 271.3 1560 9.747 +3, +5 

Bohrium Bh 107 (264) — — — 

Boron B 5 10.81 2075 3675 2.34 +3 

Bromine Br 35 79.904 -7.2 58.78 3.12 -1, +1, +5 

Cadmium Cd 48 112.41 320.9 765 8.65 + 2 

Calcium Ca 20 40.08 839 1484 1.55 + 2 

Californium Cf 98 (251) 900 — 14 

Carbon C 6 12.011 3550 4827 2.267 -4, +2, +4 

Cerium Ce 58 140.12 799 3426 6.657 + 3, +4 

Cesium Cs 55 132.9054 28.40 669.3 1.873 +i 

Chlorine Cl 17 35.453 -100.98 -34.6 0.003214 -1, +1, +5, +7 

Chromium Cr 24 51.996 1907 2672 7.18 + 2, +3, +6 

Cobalt Co 27 58.9332 1495 2870 8.9 + 2, +3 

Copper Cu 29 63.546 1083.4 2567 8.96 + 1, +2 

Curium Cm 96 (247) 1340 — 13.51 +:3 

Darmstadtium Ds 110 (269) — — — 

Dubnium Db 105 (262) — — — 

Dysprosium Dy 66 162.50 1412 2562 8.550 + 3 

Einsteinium Es 99 (252) — — — 

Erbium Er 68 167.26 159 2863 9.066 + 3 

Europium Eu 63 151.96 822 1597 5.243 + 2, +3 

Fermium Fm 100 (257) — — — 

Fluorine F 9 18.998403 -219.62 -188.54 0.00181 -1 

Francium Fr 87 (223) 27 677 — + 1 

Gadolinium Gd 64 157.25 1313 3266 7.9004 +3 

Gallium Ga 31 69.72 29.78 2204 5.904 +3 

Germanium Ge 32 72.59 937.4 2830 5.323 + 2, +4 

Gold Au 79 196.9665 1064.43 2856 19.3 + 1, +3 

Hafnium Hf 72 178.49 2227 4602 13.31 + 4 

Flassium Hs 108 (265) — — — 

Flelium He 2 4.00260 -272.2 -268.934 0.001785 

Flolmium Ho 67 164.9304 1474 2695 8.795 + 3 

Flydrogen H 1 1.00794 -259.14 -252.87 0.00008988 -1, +1 

Indium In 49 114.82 156.61 2080 7.31 + 1, +3 

Iodine 1 53 126.9045 113.5 184.35 4.93 — 1, +1, +5, +7 

Iridium Ir 77 192.22 2410 4130 22.42 + 3, +4 
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Table B.2 ] 
Some Properties of the Elements (cont.) 

Element Symbol Atomic 
number 

Atomic 
mass 

Melting 
point (°C) 

Boiling 
point (°C) 

Density (g/cm3) 
(gases at STP) 

Oxidation 
numbers 

Iron Fe 26 55.847 1535 2750 7.874 +2, +3 

Krypton Kr 36 83.80 -156.6 -152.30 0.003733 

Lanthanum La 57 138.9055 921 3457 6.145 +3 

Lawrencium Lr 103 (262) — — — +3 

Lead Pb 82 207.2 327.502 1740 11.35 +2, +4 

Lithium Li 3 6.941 180.54 1342 0.534 + 1 

Lutetium Lu 71 174.967 1663 3395 9.840 +3 

Magnesium Mg 12 24.305 648.8 1107 1.738 + 2 

Manganese Mn 25 54.9380 1244 1962 7.32 + 2, +3, +4, +7 

Meitnerium Mt 109 (268) — — — 

Mendelevium Md 101 257 — — — + 2, +3 

Mercury Hg 80 200.59 -38.842 356.58 13.55 + 1, +2 

Molybdenum Mo 42 95.94 2617 4612 10.22 +6 

Neodymium Nd 60 144.24 1021 3068 6.90 +3 

Neon Ne 10 20.179 -248.67 — 246.048 0.0008999 

Neptunium Np 93 (237) 640 3902 20.25 +3, +4, +5, +6 

Nickel Ni 28 58.69 1453 2732 8.902 +2, +3 

Niobium Nb 41 92.9064 2468 4742 8.57 +3, +5 

Nitrogen N 7 14.0067 -209.86 -195.8 0.0012506 - 3, +3, +5 

Nobelium No 102 (259) — — — + 2, +3 

Osmium Os 76 190.2 3045 5027 22.57 + 3, +4 

Oxygen 0 8 15.9994 -218.4 -182.962 0.001429 -2 

Palladium Pd 46 106.42 1554 2970 12.02 + 2, +4 

Phosphorus P 15 30.97376 44.1 280 1.82 —3, +3, +5 

Platinum Pt 78 195.08 1772 3627 21.45 + 2, +4 

Plutonium Pu 94 (244) 641 3232 19.84 +3, +4, +5, +6 

Polonium Po 84 (209) 254 962 9.32 + 2, +4 

Potassium K 19 39.0982 63.25 760 0.862 + 1 

Praseodymium Pr 59 140.9077 931 3512 6.64 +3 

Promethium Pm 61 (145) 1168 2460 7.22 +3 

Protactinium Pa 91 231.0359 1560 4027 15.37 + 4, +5 

Radium Ra 88 (226) 700 1140 5.5 +2 

Radon Rn 86 (222) -71 -61.8 0.00973 

Rhenium Re 75 186.207 3180 5627 21.02 + 4, +6, +7 

Rhodium Rh 45 102.9055 1966 3727 12.41 +3 

Roentgenium Rg 111 (272) — — — 

Rubidium Rb 37 85.4678 38.89 686 1.532 +i 

Ruthenium Ru 44 101.07 2310 3900 12.41 +3 

Rutherfordium Rf 104 (261) — — — 

Samarium Sm 62 150.36 1077 1791 7.520 + 2, +3 

Scandium Sc 21 44.9559 1541 2831 2.989 + 3 

Seaborgium Sg 106 (263) — — — 

Selenium Se 34 78.96 217 684.9 4.79 — 2, +4, +6 

Silicon Si 14 28.0855 1410 2355 2.33 -4, +2, +4 

Silver Ag 47 107.8682 961.93 2212 10.50 + 1 
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Table B.2 I 
Some Properties of the Elements (cont.) 

Element Symbol Atomic 
number 

Atomic 
mass 

Melting 
point (°C) 

Boiling 
point (°C) 

Density (g/cm3) 
(gases at STP) 

Oxidation 
numbers 

Sodium Na 11 22.98977 97.81 882.9 0.971 + 1 

Strontium Sr 38 87.62 769 1381 2.63 + 2 

Sulfur S 16 32.06 112.8 444.7 2.07 — 2, +4, +6 

Tantalum Ta 73 180.9479 2996 5425 16.654 + 5 

Technetium Tc 43 (98) 2172 4877 11.50 + 4, +6, +7 

Tellurium Te 52 127.60 449.5 989.8 6.24 -2, +4, +6 

Terbium Tb 65 158.9254 1356 3123 8.229 +3 

Thallium Tl 81 204.383 303.5 1457 11.85 + 1, +3 

Thorium Th 90 232.0381 1750 4790 11.72 +4 

Thulium Tm 69 168.9342 1545 1947 9.321 +3 

Tin Sn 50 118.69 231.968 2270 7.31 + 2, +4 

Titanium Ti 22 47.88 1660 3287 4.54 + 2, +3, +4 

Tungsten W 74 183.85 3410 5660 19.3 + 6 

Ununbium Uub 112 (277) — 
_ — 

Ununquadium Uuq 114 — — — — 

Uranium U 92 238.0289 1132.3 3818 18.95 + 3, +4, +5, +6 

Vanadium V 23 50.9415 1890 3380 6.11 + 2, +3, +4, +5 

Xenon Xe 54 131.29 -111.9 -107.1 0.005887 

Ytterbium Yb 70 173.04 819 1194 6.965 + 2, +3 

Yttrium Y 39 88.9059 1522 3338 4.469 + 3 

Zinc Zn 30 65.38 419.58 907 7.133 + 2 

Zirconium Zr 40 91.22 1852 4377 6.506 +4 

r Table B.3 ^ 

Physical Constants 

Atomic mass unit 1 amu = 1.6605 X 10 24 g 

Avogadro's number N = 6.0221 X 1023 particles/mol 

Gas constant R= 8.31 L-kPa/K-mol 

Ideal gas molar volume Vm = 22.414 L/mol 

Masses of subatomic particles 

Electron (e~) 

Proton (p+) 

Neutron (n°) 

me = 0.0005486 amu = 9.1096 X 10 28g 

mp = 1.007277 amu = 1.67261 X 1024g 

mn = 1.008665 amu = 1.67492 X 1024g 

Speed of light (in vacuum) c = 2.99 7 9 2 5 X 108 m/s 
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Table BA 
: - 

Electron Configurations of the Elements 

Elements Sublevels 

Is 2s 2 P 3s 3 P 3d 4s 4p 4 d 4f 5s 5 p 5<cf 5f 6s 6p 6d 7s 7p 

1 Hydrogen 1 

2 Helium 2 

3 Lithium 2 1 

4 Beryllium 2 2 

5 Boron 2 2 1 

6 Carbon 2 2 2 

7 Nitrogen 2 2 3 

8 Oxygen 2 2 4 

9 Fluorine 2 2 5 

10 Neon 2 2 6 

11 Sodium 2 2 6 1 

12 Magnesium 2 2 6 2 

13 Aluminum 2 2 6 2 1 

14 Silicon 2 2 6 2 2 

15 Phosphorus 2 2 6 2 3 

16 Sulfur 2 2 6 2 4 

17 Chlorine 2 2 6 2 5 

18 Argon 2 2 6 2 6 

19 Potassium 2 2 6 2 6 1 

20 Calcium 2 2 6 2 6 2 

21 Scandium 2 2 6 2 6 1 2 

22 Titanium 2 2 6 2 6 2 2 

23 Vanadium 2 2 6 2 6 3 2 

24 Chromium 2 2 6 2 6 5 1 

25 Manganese 2 2 6 2 6 5 2 

26 Iron 2 2 6 2 6 6 2 

27 Cobalt 2 2 6 2 6 7 2 

28 Nickel 2 2 6 2 6 8 2 

29 Copper 2 2 6 2 6 10 1 

30 Zinc 2 2 6 2 6 10 2 

31 Gallium 2 2 6 2 6 10 2 1 

32 Germanium 2 2 6 2 6 10 2 2 
33 Arsenic 2 2 6 2 6 10 2 3 

34 Selenium 2 2 6 2 6 10 2 4 

35 Bromine 2 2 6 2 6 10 2 5 

36 Krypton 2 2 6 2 6 10 2 6 

37 Rubidium 2 2 6 2 6 10 2 6 1 

38 Strontium 2 2 6 2 6 10 2 6 2 

39 Yttrium 2 2 6 2 6 10 2 6 1 2 

40 Zirconium 2 2 6 2 6 10 2 6 2 2 

41 Niobium 2 2 6 2 6 10 2 6 4 1 

42 Molybdenum 2 2 6 2 6 10 2 6 5 1 

43 Technetium 2 2 6 2 6 10 2 6 5 2 

44 Ruthenium 2 2 6 2 6 10 2 6 7 1 

45 Rhodium 2 2 6 2 6 10 2 6 8 1 

46 Palladium 2 2 6 2 6 10 2 6 10 
— 

R50 Appendix B 



Table B.4 

Electron Configurations of the Elements (cont.) 

Elements Sublevels 

Is 2s 2p 3s 3p 3d 4s 4p 4 d 5s 5p 5 d 5 f 6s 6p 6 d 7s 7p 
47 Silver 2 2 6 2 6 10 2 6 10 1 

48 Cadmium 2 2 6 2 6 10 2 6 10 2 

49 Indium 2 2 6 2 6 10 2 6 10 2 1 

50 Tin 2 2 6 2 6 10 2 6 10 2 2 
51 Antimony 2 2 6 2 6 10 2 6 10 2 3 

52 Tellurium 2 2 6 2 6 10 2 6 10 2 4 

53 Iodine 2 2 6 2 6 10 2 6 10 2 5 

54 Xenon 2 2 6 2 6 10 2 6 10 2 6 

55 Cesium 2 2 6 2 6 10 2 6 10 2 6 1 

56 Barium 2 2 6 2 6 10 2 6 10 2 6 2 

57 Lanthanum 2 2 6 2 6 10 2 6 10 2 6 1 2 

58 Cerium 2 2 6 2 6 10 2 6 10 1 2 6 1 2 

59 Praseodymium 2 2 6 2 6 10 2 6 10 3 2 6 2 

60 Neodymium 2 2 6 2 6 10 2 6 10 4 2 6 2 
61 Promethium 2 2 6 2 6 10 2 6 10 5 2 6 2 

62 Samarium 2 2 6 2 6 10 2 6 10 6 2 6 2 

63 Europium 2 2 6 2 6 10 2 6 10 7 2 6 2 

64 Gadolinium 2 2 6 2 6 10 2 6 10 7 2 6 1 2 

65 Terbium 2 2 6 2 6 10 2 6 10 9 2 6 2 

66 Dysprosium 2 2 6 2 6 10 2 6 10 10 2 6 2 

67 Holmium 2 2 6 2 6 10 2 6 10 11 2 6 2 

68 Erbium 2 2 6 2 6 10 2 6 10 12 2 6 2 

69 Thulium 2 2 6 2 6 10 2 6 10 13 2 6 2 

70 Ytterbium 2 2 6 2 6 10 2 6 10 14 2 6 2 

71 Lutetium 2 2 6 2 6 10 2 6 10 14 2 6 1 2 

72 Hafnium 2 2 6 2 6 10 2 6 10 14 2 6 2 2 

73 Tantalum 2 2 6 2 6 10 2 6 10 14 2 6 3 2 

74 Tungsten 2 2 6 2 6 10 2 6 10 14 2 6 4 2 

75 Rhenium 2 2 6 2 6 10 2 6 10 14 2 6 5 2 

76 Osmium 2 2 6 2 6 10 2 6 10 14 2 6 6 2 

77 Iridium 2 2 6 2 6 10 2 6 10 14 2 6 7 2 

78 Platinum 2 2 6 2 6 10 2 6 10 14 2 6 9 1 

79 Gold 2 2 6 2 6 10 2 6 10 14 2 6 10 1 

80 Mercury 2 2 6 2 6 10 2 6 10 14 2 6 10 2 

81 Thallium 2 2 6 2 6 10 2 6 10 14 2 6 10 2 1 

82 Lead 2 2 6 2 6 10 2 6 10 14 2 6 10 2 2 

83 Bismuth 2 2 6 2 6 10 2 6 10 14 2 6 10 2 3 

84 Polonium 2 2 6 2 6 10 2 6 10 14 2 6 10 2 4 

85 Astatine 2 2 6 2 6 10 2 6 10 14 2 6 10 2 5 

86 Radon 2 2 6 2 6 10 2 6 10 14 2 6 10 2 6 

87 Francium 2 2 6 2 6 10 2 6 10 14 2 6 10 2 6 1 

88 Radium 2 2 r 6 2 6 10 2 6 10 14 2 6 10 2 6 2 

89 Actinium 2 2 6 2 6 10 2 6 10 14 2 6 10 2 6 1 2 
• - 

90 Thorium 2 2 6 2 6 10 2 6 10 14 2 6 10 2 6 2 2 

91 Protactinium 2 2 6 2 6 10 2 6 10 14 
i 

2 6 10 2 2 6 1 2 

92 Uranium 2 2 6 2 6 10 2 6 10 14 2 6 10 3 2 6 1 2 
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r Table B.4 

Electron Configurations of the Elements (cont .) 

Elements Sublevels 

Is 2s 2p 3s 3p 3d 4s 4p 4 d 4 f 5s 5p 5 d 5 f 6s 6 P 6 d 7s 7p 

93 Neptunium 2 2 6 2 6 10 2 6 10 14 2 6 10 4 2 6 1 2 

94 Plutonium 2 2 6 2 6 10 2 6 10 14 2 6 10 6 2 6 2 

95 Americium 2 2 6 2 6 10 2 6 10 14 2 6 10 7 2 6 2 

96 Curium 2 2 6 2 6 10 2 6 10 14 2 6 10 7 2 6 1 2 

97 Berkelium 2 2 6 2 6 10 2 6 10 14 2 6 10 9 2 6 2 

98 Californium 2 2 6 2 6 10 2 6 10 14 2 6 10 10 2 6 2 

99 Einsteinium 2 2 6 2 6 10 2 6 10 14 2 6 10 11 2 6 2 

100 Fermium 2 2 6 2 6 10 2 6 10 14 2 6 10 12 2 6 2 

101 Mendelevium 2 2 6 2 6 10 2 6 10 14 2 6 10 13 2 6 2 

102 Nobelium 2 2 6 2 6 10 2 6 10 14 2 6 10 14 2 6 2 

103 Lawrencium 2 2 6 2 6 10 2 6 10 14 2 6 10 14 2 6 1 2 

104 Rutherfordium 2 2 6 2 6 10 2 6 10 14 2 6 10 14 2 6 2 2 

105 Dubnium 2 2 6 2 6 10 2 6 10 14 2 6 10 14 2 6 3 2 

106 Seaborgium 2 2 6 2 6 10 2 6 10 14 2 6 10 14 2 6 4 2 

107 Bohrium 2 2 6 2 6 10 2 6 10 14 2 6 10 14 2 6 5 2 

108 Hassium 2 2 6 2 6 10 2 6 10 14 2 6 10 14 2 6 6 2 

109 Meitnerium 2 2 6 2 6 10 2 6 10 14 2 6 10 14 2 6 7 2 

110 Darmstadium 2 2 6 2 6 10 2 6 10 14 2 6 10 14 2 6 9 1 

111 Unununium 2 2 6 2 6 10 2 6 10 14 2 6 10 14 2 6 10 1 

112 Ununbium 2 2 6 2 6 10 2 6 10 14 2 6 10 14 2 6 10 2 

114 llnunquadium 2 2 6 2 6 10 2 6 10 14 2 6 10 14 2 6 10 2 2 

Table B.5 '[ j 

Common Ions 

Positive Ions (Cations) 

1+ charge 2+ charge 3+ charge 

H + hydrogen Mg2+ magnesium Al3+ aluminum 

Na+ sodium Fe2+ iron(ll) Fe3+ iron(lll) 

K+ potassium Co2+ cobalt(ll) Co3+ cobalt(lll) 

nh4+ ammonium Ni2+ nickel(ll) Ni3+ nickel(lll) 

Li+ lithium Ca2+ calcium 

Ag+ silver Zn2+ zinc 

Cu+ copper(l) Cu2+ copper(ll) 

Negative Ions (Anions) 

1- charge 2- charge 3- charge 

F fluoride o2- oxide N3- nitride 

ci- chloride s2- sulfide R3- phosphide 

Br" bromide S042- sulfate po43- phosphate 

OH- hydroxide co32- carbonate 
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Table B.6 

Other Symbols and Abbreviations 

a alpha rays Hf heat of formation m molality 

p beta rays h hour mL milliliter (volume) 

y gamma rays h Planck's constant mm millimeter (length) 

A change in Hz hertz (frequency) mol mole (amount) 

8+.S- partial ionic charge J joule (energy) mp melting point 

A wavelength K kelvin (temperature) N normality 

77 pi bond Ka acid dissociation constant n° neutron 

(J sigma bond Kb base dissociation constant n number of moles 

V frequency Kb molal boiling point n principal quantum number 

amu atomic mass unit elevation constant P pressure 

(aqr) aqueous solution Keq equilibrium constant P+ proton 

atm atmosphere (pressure) Kf molal freezing point Pa pascal(pressure) 

bp boiling point depression constant R ideal gas constant 

°C degree Celsius (temperature) K„ ion product constant S entropy 

c speed of light in a vacuum for water s second 

cm centimeter (length) KSP solubility product constant (s) solid 

E energy kcal kilocalorie (energy) SI International System 

e~ electron kg kilogram (mass) of Units 

fp freezing point kPa kilopascal (pressure) STP standard temperature 

G Gibb's free energy L liter (volume) and pressure 

g gram (mass) (/) liquid T temperature 

(9) gas M molarity f, 2 half-life 

gfm gram formula mass m meter (length) V volume 

H enthalpy m mass V velocity, speed 

Table B.7 1 

Symbols of Common Elements 

Ag silver Cu copper 0 oxygen 

Al aluminum F fluorine P phosphorus 

As arsenic Fe iron Pb lead 

Au gold H hydrogen Pt platinum 

Ba barium Hg mercury S sulfur 

Bi bismuth 1 iodine Sb antimony 

Br bromine K potassium Sn tin 

C carbon Mg magnesium Sr strontium 

Ca calcium Mn manganese Ti titanium 

Cl chlorine N nitrogen U uranium 

Co cobalt Na sodium W tungsten 

Cr chromium Ni nickel Zn zinc 
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Table B.10 

Rules for Naming Ions 

Positive Ions (Cations) 

Rule Example Name 

1. Cations formed from metals have the same name as 
the element. 

Na+ sodium ion 

2a. For a cation that can have different charges, indicate the charge by 
Roman numerals in parentheses. 

Fe3+ 
Fe2+ 

iron(lll) ion 
iron(ll) ion 

2b. Or, instead of 2a., use a root name with the suffix -icto denote the ion whose 
positive charge is larger, or the suffix -ous to denote the ion whose positive 
charge is smaller. 

Fe3+ 
Fe2+ 

ferric ion 
ferrous ion 

3. Cations formed from nonmetals end in -ium. nh4+ ammonium ion 

Negative Ions (Anions) 

Rule Example Name 

1. For single-atom ions, replace the end of the element's name with -ide. H- hydride ion 

2. A few simple polyatomic anions have names ending in -ide. OH- hydroxide ion 

3. For polyatomic ions containing oxygen, or oxyanions, the most common 
form of the ion has a name ending in -ate. 

C032" 
cio3- 

carbonate ion 
chlorate ion 

4. Use the suffix -/Ye to indicate one less oxygen than for the suffix -ate. CI02- chlorite ion 

5. Use the prefix hypo- to indicate one less oxygen atom than for the 
-/Ye ending. 

CIO- hypochlorite 
ion 

6. Use the prefix per- to indicate one more oxygen than for the -ate ending. CI04- perchlorate ion 

7. Use the prefix thio-Xo indicate a sulfur atom has replaced 
an oxygen atom. 

S042- 
s2032- 

sulfate ion 
thiosulfate ion 

8. Use bi- before the anion name to indicate the presence of a 
replaceable hydrogen. 

C032- 
HC03- 

carbonate ion 
bicarbonate ion 
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Appendix C: Math Handbook 

Scientific Notation 

Scientists use photonic lattices 
to trap or bend light within 
extremely tiny spaces. The 
micrograph above shows a 
photonic lattice made of silicon 
rods. Each rod is 1.2 microns, or 
1.2 X 10~6 meter, wide. 

Very large and very small numbers are often expressed in scientific notation 

(also known as exponential form). In scientific notation, a number is writ¬ 

ten as the product of two numbers: a coefficient, and 10 raised to a power. 

For example, the number 84,000 written in scientific notation is 8.4 x 104. 

The coefficient in this number is 8.4. In scientific notation, the coefficient is 

always a number greater than or equal to one and less than ten. The power 

of ten, or exponent, in this example is 4. The exponent indicates how many 

times the coefficient 8.4 must be multiplied by 10 to equal the number 

84,000. 

8.4 X 104 = 8.4 X 10 X 10 X 10 X 10 = 84,000 

exponential form standard form 
(scientific notation) 

When writing numbers greater than ten in scientific notation, the 

exponent is equal to the number of places that the decimal point has been 

moved to the left. 

6,300,000 = 6.3 X 106 
. 

6 places 

94,700 = 9.47 X 104 
. 

4 places 

Numbers less than one have a negative exponent when written in sci¬ 

entific notation. For example, the number 0.000 25 written in scientific 

notation is 2.5 x 10“4. The negative exponent -4 indicates that the coeffi¬ 

cient 2.5 must be divided four times by 10 to equal the number 0.000 25, as 

shown below. 

2.5 X 10 4 = io x 10^ 10 X 10 = °-000 25 

exponential form standard form 
(scientific notation) 

When writing numbers less than one in scientific notation, the value of 

the exponent equals the number of places the decimal has been moved to 

the right. The sign of the exponent is negative. 

0.000 008 = 8 X 10“6 0.00736 = 7.36 X 10"3 
.► •••► 

6 places 3 places 

If your calculator has an exponent key, you can enter numbers in scien¬ 

tific notation when doing calculations. See the section on using a calculator 

(pages R62-R65) for more information on calculator operations that involve 

scientific notation. 
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Multiplication and Division 
To multiply numbers written in scientific notation, multiply the coefficients 

and add the exponents. 

(3 X 104) X (2 X 102) = (3 X 2) X 104+2 = 6 X 106 

(2.1 X 103) X (4.0 X 10“7) = (2.1 X 4.0) X 103+^ = 8.4 X 10”4 

To divide numbers written in scientific notation, divide the coefficients 

and subtract the exponent in the denominator from the exponent in the 

numerator. 

to#W " (lo) x 105-2 “ °-5 x 103 - 5-° x 102 

Addition and Subtraction 
If you want to add or subtract numbers expressed in scientific notation and 

you are not using a calculator, then the exponents must be the same. For 

example, suppose you want to calculate the sum of 5.4 x 103 and 8.0 X 102. 

First, rewrite the second number so that the exponent is a 3. 

8.0 x 102 = 0.80 X 103 

Now add the numbers. 

(5.4 X 103) + (0.80 X 103) = (5.4 + 0.80) X 103 = 6.2 X 103 

Follow the same rule when you subtract numbers expressed in scien¬ 

tific notation without the aid of a calculator. 

(3.42 X 10“5) - (2.5 X 10~6) = (3.42 X 10“5) - (0.25 X 10~5) 

= (3.42 - 0.25) X 10~5 = 3.17 X 10“5 

SAMPLE PROBLEM MH-1 

Using Scientific Notation in Arithmetic Operations 

Solve each problem, and express your answer in correct scientific 

notation. 

a. (8.0 X 10 2) X (7.0 X 10 5) 

b. (7.1 x 10 2) + (5 X 10~3) 

Solution 

Follow the rules described above for multiplying and adding numbers 

expressed in scientific notation. 

a. (8.0 X 10 2) X (7.0 X 10 5) = (8.0 X 7.0) X 10~2+(“5) 

= 56 X 10^7 = 5.6 X 10 6 

b. (7.1 X 10 2) + (5 X 10'3) = (7.1 X 10 2) + (0.5 X 10”2) 

= (7.1 + 0.5) X 10~2 = 7.6 X 10~2 

V______ 
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mm Practice the Math 

1. Express each number in scientific notation 

a. 500,000 b. 285.2 

c. 0.000 000 042 d. 0.0002 

e. 0.030 06 f. 83,700,000 

2. Write each number in standard form. 

a. 4 X 10~3 b. 3.4 X 105 

c. 0.045 X 104 d. 5.9 X 10“6 

3. Solve each problem and express your answer in 

scientific notation. 

a. (2 X 109) X (4 X 103) 

b. (6.2 X 10"3) X (1.5 X 101) 

c. (10 4) X (108) X (10 2) 

d. (3.4 X 10~3) X (2.5 X 10“5) 

4. Solve each problem and express your answer in 

scientific notation. 

a. (9.4 X 10“2) - (2.1 X 10“2) 

b. (6.6 X 10“8) + (5.0 X 10“9) 

c. (6.7 X 10“2) - (3.0 X 10“3) 

5. Solve each problem and express your answer in 

scientific notation. 

a (3.8 X 10^3) X (1.2 X 106) 

8 X 104 

b. (1.4 X102) X (2 X 10s) X (7.5 X 10”4) 

c. _6.6 X 106_ 

(8.8 X 10“2) X (2.5 X 103) 

d. _(1-2 x IQ"3)2 

(10^2)3 X (2.0 X 10~3) 

6. Express each measurement in scientific notation. 

a. The length of a football field: 91.4 m. 

b. The diameter of a carbon atom: 

0.000 000 000 154 m. 

c. The diameter of a human hair: 0.000 008 m. 

d. The average distance between the centers of 

the sun and Earth: 149,600,000,000 m. 

Applying Scientific Notation to Chemistry 

7. The following expressions are solutions to typical chemistry problems. 

Calculate the answer for each expression. Make sure to cancel units as 

you write your solutions. 

1 m \ ^ (109 nm' 5.6 X 103 mm X 

b. 6.8 X 104 eg H20 X 

103 mm ' 

1 g H20 

1 m 
= ? 

X 
1 mL H20 

x 
1 LH20 

103 mL H20 

c. 4.0 X 102 mL NaOH X 

102cgH2Oy ' V 1 gH2° 

1 L NaOH \ ^6.5 X 10^2 mol NaOH 
103 mL NaOH 

x 
1 L NaOH 

= ? 

= ? 

8. A cube of aluminum measures 1.50 X 10 2 m on each edge. Use the 

following expression to calculate the surface area of the cube. 

Surface area = 6 X (1.50 X 10^2 m)2 = ? 

9. A small gold (Au) nugget has a mass of 3.40 x 10-3 kg. Use the following 

expression to calculate the number of gold atoms contained in the nugget. 

103gAu\ { i molAu \ ., {6.02 x 1023 atoms Au 
3.40 x 10 3kgAu X 

1 kg Au 
X 

197.0 gAu 
X 

1 mol Au 

10, The volume of a sphere is given by the formula V = \nr\ where 

77 = 3.14 and r = radius. What is the volume of a spherical drop ofwater 

with a radius of 2.40 x 10~3 m? 
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Significant Figures 

The significant figures of a measurement are those digits known with cer¬ 

tainty plus the rightmost digit that is estimated. Every measurement has a 

certain number of significant figures. For instance, if you measure the air 

temperature to be 21 °C, this measurement has two significant figures. 

Every nonzero digit in a measurement is significant. For example, the mea¬ 

surement 831 g has three significant figures. The rules for when to count 

zeros in measurements as significant are as follows: 

• Zeros in the middle of a number are always significant. A length that mea¬ 

sures 507 m has three significant figures. 

• Zeros at the beginning of a number are not significant. The measurement 

0.0056 m has two significant figures. 

• Zeros at the end of a number are only significant if they follow a decimal 

point. The measurement 35.00 g has four significant figures; the measure¬ 

ment 2400 g has two significant figures. 

Counted values (17 beakers) and the numbers in defined relationships 

(100 cm = 1 m) are exact numbers and are considered to have an unlimited 

number of significant figures. Exact numbers never affect the number of 

significant figures in the results of a calculation. 

Each of the measurements listed below has three significant figures. 

The significant figures are underlined. 

456 mL 0.305 g 

70.4 mg 0.000457 g 

5.64 X 103 km 444,000 ng 

L30 X 10 2m 0.00406 dm 

Counting Significant Figures in Measurements 

How many significant figures are in each measurement? 

a. 3300°C b. 110.5 kj 

c. 0.000 0176 g d. 210,000 kcal 

e. 5 notebooks f. 0.90 lb 

Solution 

Follow the rules described above for counting significant figures. 

The mass of this bowl of candy is 
298.8 grams. The measurement 
has four significant figures. 

a. 2 

c. 3 

e. unlimited 

b. 4 

d. 2 

f. 2 
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Significant Figures in Calculations 
When measurements are used in a calculation, the answer you calculate 

must be rounded to the correct number of significant figures. How you 

round your answer depends on the mathematical operation used in the 

calculation. 

• In multiplication and division, the answer can have no more significant 

figures than the least number of significant figures in any measurement in 

the problem. 

• In addition and subtraction, the answer can have no more decimal places 

than the least number of decimal places in any measurement in the 

problem. 

When a calculated answer must be rounded to the appropriate number 

of significant figures, use the following rules: 

• If the first nonsignificant digit is less than 5, drop all nonsignificant digits. 

• If the first nonsignificant digit is 5, or greater than 5, increase the last 

significant digit by one and drop all nonsignificant digits. 

The Sample Problem below illustrates how to apply these rules when 

performing calculations involving measurements. 

SAMPLE PROBLEM MH-3 

Rounding Calculated Answers 

Solve each problem, and round your answer to the correct number 

of significant figures. 

a. (5.3 m) x (1.54 m) 

b. 23. 5 m + 2.1 m + 7.26 m 

c. 189.427 g- 19.00 g 

d. 0.497 m2 
1.50 m 

Solution 

Follow the rules described above for rounding calculated answers 

to the appropriate number of significant figures. 

a. (5.3 m) x (1.54 m) = 8.162 m2 = 8.2 m2 

(5.3 m has two significant figures.) 

b. 23.5 m + 2.1 m + 7.26 m = 32.86 m = 32.9 m 

(2.1 has one decimal place.) 

c. 189.427 g - 19.00 g = 170.427 g = 170.43 g 

(19.00 has two decimal places.) 

d- ^;4f ? = 0.3313333 m = 0.331 m 
1.50 m 

(0.497 and 1.50 each have three significant figures.) 
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Practice the Math 

1. How many significant figures are in each 

measurement? 

a. 0.723 m b. 14.0 g 

c. 123,000 m d. 6.00 X 10”2 g 

e. 0.005 12 kg f. 1050 cm 

2. Round each of the measurements in Question 1 

to two significant figures. 

3. Multiply or divide the following measurements, 

and round your answer to the correct number of 

significant figures. 

a. 3.4 m X 7.8 m 

b. 7.00 cm x 9.8 cm 

c. 1.56 mm X 0.864 mm x 14.00 mm 

d. 6.88 m2 h- 2.6 m 

e. 52.98 g *■ 1.8 mL 

f. 0.14 kg 0.0131 L 

V_ 

4. Add or subtract the following measurements, 

and round your answer to the correct number 

of significant figures. 

a. 2.34 m + 18.28 m 

b. 828.2 g - 134 g 

c. 0.278 cm + 0.0832 cm + 0.15 cm 

d. 54.2 mg - 12.66 mg 

e. 6.40 ng + 0.450 ng + 1.001 ng 

f. (5.2 X 10“2 dg) + (1.82 X 10~3 dg) 

Applying Significant Figures to Chemistry 

5. Determine the number of significant figures in each measurement. 

a. The density of mercury (Hg): 13.55 kg/L 

b. The number of milligrams (mg) in one gram (g): 1000 mg = 1 g 

c. The number of protons in an atom of copper (Cu): 29 protons 

d. The mass of a silver (Ag) atom: 1.792 x 10~22 g 

e. The melting point of gallium: 29.8°C 

f. The concentration of a water solution of NaCl: 24% (m/v). 

6. The data from Question 5 has been used to set up a solution to each of the 

following problems. Calculate each answer, and express each answer to the 

correct number of significant figures. Make sure to cancel units where 

appropriate. 

a. Calculate the mass of 0.45 L of mercury. 

0.45 L Hg x 
13.55 kg Hg 

b. How many milligrams are in 6.321 grams? 

1000 mg 

1 L Hg 

c. How many protons are in 7 copper atoms? 

29 protons 

6.321 g X 
1 g 

= ? 

7 Cu atoms X = ? 

d. What is the mass of 35 silver atoms? 

1.792 X 10“22gAg 

1 Cu atom 

e. What is the melting point of gallium in 

kelvins (K)? 

K = °C + 273 = 29.8 + 273 = ? 

35 Ag atoms X = ? 

1 Ag atom 

f. How many grams of NaCl are in 25.8 mL of a 

24% (m/v) NaCl solution? 

24 g NaCl 
25.8 mL solution X 

100 mL solution 
= ? 

7. Calculate the perimeter ((2 X length) + (2 x width)) and the area 

(length X width) of a garden plot that measures 32.8 m by 15 m. 

Round each answer to the correct number of significant figures. 
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A scientific calculator has 
specialized function keys that 
you can use to manipulate 
numbers and perform 
arithmetic operations. 

Using a Calculator 

You can readily solve chemistry problems involving numeric calculations 

with the aid of a hand-held scientific calculator. As you know, a calculator 

has various keys used for entering numbers and performing operations 

with those numbers. In the following text, calculator keys are indicated by 

boldfaced square brackets. As you work out each problem, press the calcu¬ 

lator keys that match the operations or numbers within the brackets. 

Arithmetic Operations 
A scientific calculator has operator keys for basic arithmetic operations 

such as addition [+], subtraction [-], multiplication [x], and division [-5-]. 

To complete an arithmetic operation, you must press the operator key for 

an equals sign, [=]. 

A different set of keys is used for entering numbers. For example, to 

enter the number 27.2 on your calculator, press the numeric entry keys 

[2] [7] [.] [2]. 

Try the following arithmetic operations on your calculator. Be sure to 

clear the calculator using the [ON/C], [C/CE], or [AC] key before entering 

any numbers. 

Numeric Operator Numeric Operator Display 

Entry Keys Key Entry Keys Key 

a. 94.2 + 71.32 [9] [4] [.] [2] [ + ] [7] [1] [.] [3] [2] [ = ] 165.52 

b. 301.6 - 58.98 [3] [0] [1] [.] [6] [-] [5] [8] [.] [9] [8] [ = ] 242.62 

c. 15.72 X 14.23 [1] [5] [.] [7] [2] [X] [ 1 ] [4] [.] [2] [3] [=] 223.6956 

d, 331.72 4- 78.23 [3] [3] [1] [.] [7] [2] M [7] [8] [.] [2] [3] [ = ] 4.240317014 

If we assume that all the digits in each of the numbers entered are sig¬ 

nificant figures, then the answers displayed by the calculator have more 

digits than can be justified as significant. Thus, you must round each calcu¬ 

lated answer to the appropriate number of significant figures. 

For the addition problem a, the displayed value of 165.52 must be 

rounded to 165.5 (no more than 1 decimal place). For the subtraction prob¬ 

lem b, the displayed value of 242.62 must be rounded to 242.6 (no more 

than one decimal place). The answers to multiplication problem c and divi¬ 

sion problem d should each be reported to four significant figures (the least 

number of significant figures in either of the numbers used in each calcula¬ 

tion). For c, the answer should be reported as 223.7. For d, the answer 

should be reported as 4.240. 

For more help with significant figures and rounding, go to page R59. 
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Exponential Numbers 
To enter very large or very small numbers on a scientific calculator, use the 

exponential key. The exponential key on your calculator may be labeled 

[EE], [EXP], or [EEX], In the Math Handbook, the exponential key will be 

represented by [EE], 

Suppose you want to enter the exponential number 2.94 X 1024 on your 

calculator. First enter the coefficient [2] [.] [9] [4], Then press [EE] and enter 

the exponent [2] [4]. The display reads 2.9424. Notice that the “X10” part of 

the exponential form is not entered on (or displayed by) the calculator. 

Pressing the exponential key indicates to the calculator that the next num¬ 

ber entered is a power of 10. 

If a number written in exponential form has a negative exponent, use 

the sign-change key [ + / -] (not the subtraction key!) to make the sign of the 

exponent negative. For example, to enter the number 3.08 X 1(T12 on your 

calculator, first enter the coefficient [3] [.] [0] [8]. Then press [EE] followed by 

[+/—]. Notice how the display changes from 3.0800 to 3.08~00. Lastly, enter 

[1] [2], the value of the exponent. The display now reads 3.08 12. 

You can practice entering exponential numbers on a calculator by try¬ 

ing the following examples. The keystrokes are listed after each exponential 

number. The numbers displayed by your calculator should match those in 

the last column. 

a. 2.79 X 104 

Numeric Entry Keys 

[2] [.] [7] [9] [EE] [4] 

Display 

2.7904 

b. 7.43 X 1018 [7] [.] [4] [3] [EE] [1] [8] 7.4318 

c. 6.89 X 10-22 [6] [.] [8] [9] [EE] [+/-] [2] [2] 6.89~ 22 

d. 1.11 X 10“5 [1][.][1H1] [EE] [+/-] [5] l.ir05 

The next two examples show operations involving exponential num¬ 

bers. For simplification, only the exponential and operator keystrokes are 

shown. The answer that should appear on your calculator display is written 

in italics. 

e. Given expression: 

Using a calculator: 

f. Given expression: 

Using a calculator: 

[2.43 X 1023] X 7.30 = 1.77 X 1024 

2.43 [EE] 23 [x] 7.30 [=] 1.773924 

9.93 X 1015 -t- 2.56 X 1013 = 3.88 X 102 

9.33 [EE] 15 [4] 2.56 [EE] 13 [=] 3.8789062502 

The answer for e displayed by the calculator is 1.7739 X 1024. This num¬ 

ber must be rounded to 1.77 X 1024, according to the rules for significant fig¬ 

ures in calculations. 

The calculated answer for f must be rounded to three significant fig¬ 

ures. Note that the final answer on the display of your calculator may be in 

scientific notation as 3.8789062502 or in decimal form as 387.890625, 

depending on your calculator settings. If you obtained the latter result, you 

may be able to set the calculator’s display mode so that it automatically 

converts answers to scientific notation by using the key labeled [SCI] or 

[MODE], 
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Handbook 

Chain Calculations 
Calculations that require more than one arithmetic operation are called 

chain calculations. Examples of chain calculations are shown below. 

a. 2.58 + 7.12 + 9.30 = 19.00 

b. 6.3 X 
7.4 X IQ"A (2,79 X loA 
,1.0 x10V \1.9X10“7 

c. 2.98 + 
f 8.76 X 10 
\6.22 X 10~V 

4.39 

6.8 X 107 

To solve problem a, enter the following sequence of calculator 

keystrokes: 

2.58 [+] 7.12 [+] 9.30 [=] 19. 

Note that the calculator keystrokes are exactly as they appear in reading the 

equation from left to right. Also notice that the calculated answer should 

have two decimal places, but the calculator has dropped these digits in the 

displayed answer because they are zeros. You must add them in reporting 

the correct answer, 19.00. 

Problem b illustrates a kind of problem that comes up with startling 

regularity in chemistry-related dimensional analysis. The correct calculator 

keystrokes are as follows. 

6.3 [x] 7.4 [EE][+/-] 2 [-H 1.0 [EE] 2 [x] 2.79 [EE] 3 [H-] 1.9 

[EE] [+/—] 7 [=] 6.84577894707 

Note that each operation is performed in the order it appears in the equa¬ 

tion. The calculated answer must be rounded to two significant figures. 

In problem c, however, performing the operations in the order they 

appear will not yield a correct answer. Instead, try completing the division 

operation within the parentheses first, and then add 2.98 to the result. The 

calculator keystrokes are as follows. 

8.76 [EE][+/—] 3 [-r] 6.22 [EE][+/-] 3 [+] 2.98 [=] 4.388360129 

The calculated answer must be rounded to two decimal places. 

Alternatively, you can use the open-parenthesis [(] and closed- 

parenthesis [)] keys. The [(] and [)] keys allow you to key in equation c as 

written, using the following keystrokes. 

2.98 [+][(] 8.76 [EE] [+/—] 3 [■*■] 6.22 [EE][+/-] 3 [)][=] 4.388360129 

SAMPLE PROBLEM MH-4 

Arithmetic Operations with Exponential Numbers 
Use a calculator to obtain the answer shown below. 

2.88 x 107 
= 4.82 X 109 

5.98 X 10 3 

Solution 

Use the following keystroke sequence: 

2.88 [EE] 7 [-H 5.98 [EE][+/-] 3 [=] 4.81605351209 

The calculated answer must be rounded to three significant figures, 

yielding the result 4.82 X 109. 
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Practice the Math 

Use your calculator to solve forx in each problem. Express your answer in 

scientific notation and report it to the correct number of significant figures. 

1. x= 5467.4 * 2.7 * .. ( 3.98 X 105 

2. x = 26.54 + 26.8 + 58.33 + 10.00 + 87.3 

3. x = 3.75 X 10“5 + 7.00 X 10“5 

"6.02 X 1023^ 

X 
6.21 X 10 14 

4. x = 

5. x = 8.73 + 

4.77 X 1017/ 

4.17 X lO'’3" 

~ \7.215 X 10137 

7. x= 2.45 h- 0.49 

8. x = 273.0 - 42.6 + 7.0 

(5.44 X lO6^ 

5.123 X 1012, 

9. x = 
6.98 X 10\ 

X 3.89 

,5.27 X 10" 

Applying Calculator Operations to Chemistry 

Use your calculator and the given expression to solve each problem. Make sure to 

cancel units where appropriate. 

10. A gold necklace found in an Egyptian pyramid 

has a volume of 27.5 cm3 and a mass of 530.0 g. 

What is the density of the gold? 

530.0 g 

15. How many moles of Fe203 are in 50.0 g? 

1.00 mol Fe,0, 
50.0 g Fe203 x 159 6gFe2o3 = ? 

density 
mass 

volume 27.5 cm3 
= ? 

11. A magnesium atom has a diameter of 3.20 X 

10“10 meter. What would be the length in meters 

(m) of 1 mole of magnesium atoms (6.02 x 1023 

atoms) laid end-to-end in a straight line? 

3.20 X 10“10 m 6.02 X 1023 
X — 

Mg atoms 
= ? 

12. 
1 Mg atom 1 mol Mg 

The molecular formula of the sugar glucose is 

C6H1206. The molar masses of the constituent 

elements of glucose are: carbon, 12.011 g/mol; 

hydrogen, 1.0079 g/mol; and oxygen, 15.999 

g/mol. What is the molar mass of glucose to 

three decimal places? 

(6 X 12.011 g) + (12 X 1.0079 g) + (6 X 15.999 g) = ? 

13. The compound benzene, C6H6, has a molar mass 

of 78.11 g/mol, of which 72.00 g is carbon. What 

percent of the molar mass of benzene is carbon? 

7» ifgr H~ X 100% = ? 78.11 gC6H6 

14. A gaseous compound has a density of 1.37 g/Lat 

STP and 1 mol occupies 22.4 L at STP. What is 

the molar mass of the compound? 

1-37 g ^ 22.4 L = ? 

1 L 1 mol 

16. The formation of copper(II) sulfide (CuS) 

from its component elements is given 

below. 

Cu(s) + S(s)-> CuS (5) 

How many grams of CuS are produced when 

2.73 mol Cu reacts with an excess of sulfur? 

2,-73 mol Cu X 
1 mol CuS 95.6 g CuS 

1 mol Cu X 1 mol CuS 
= ? 

17. The ideal gas constant, R, is calculated from 

the relationship given below. What is the 

value of R in units of (L*kPa) / (K*mol)? 

R 
101.3 kPa X 22.4 L 
273 K X 1.00 mol 

— ? 

18. A student sets up the following relationship 

to calculate the number of moles/liter of 

sodium chloride, NaCl, in 100 mL of an 

aqueous salt solution containing 0.50 g of 

NaCl. How many moles/liter of sodium 

chloride does the solution contain? 

0.50 g NaCl x l mol NaCl x 1000 mL = ? 
100 mL 58.5 g NaCl 1 L 
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A person's height can be 
measured in units such as feet, 
inches, or meters. Conversion 
factors allow you to convert 
from one unit to another. 

Conversion Problems and 
Dimensional Analysis 

Many problems in both everyday life and in the sciences involve converting 

measurements. These problems may be simple conversions between the 

same kinds of measurement. For example: 

a. A person is five and one-half feet tall. Express this height in inches. 

b. A flask holds 0.575 L of water. How many milliliters of water is this? 

In other cases, you may need to convert between different kinds of 

measurements. 

c. How many gallons of gasoline can you buy for $15.00 if gasoline costs 

$ 1.42/gallon? 

d. What is the mass of 254 cm3 of gold if the density of gold is 19.3 g/cm3? 

More complex conversion problems may require conversions between 

measurements expressed as ratios of units. Consider the following examples. 

e. A car is traveling at 65 miles/hour. What is the speed of the car expressed 

in feet/second? 

f. The density of nitrogen gas is 1.17 g/L. What is the density of nitrogen ex¬ 

pressed in micrograms/deciliter (/xg/dL)? 

Problems a through f can be solved using a method that is known by a 

few different names—dimensional analysis, factor label, and unit conver¬ 

sion. These names emphasize the fact that the dimensions, labels, or units 

of the measurements in a problem—the units in the given measurement(s) 

as well as the units desired in the answer—can help you write the solution 

to the problem. 

Dimensional analysis makes use of ratios called conversion factors. A 

conversion factor is a ratio of two quantities equal to one another. For 

example, to work out problem a, you must know the relationship 1 ft = 12 

in. The two conversion factors derived from this equality are shown below. 

= 1 (unity) = 
12 in v lm 

To solve problem a by dimensional analysis, you must multiply the given 

measurement (5.5 ft) by a conversion factor that allows the feet units to can¬ 

cel, leaving the unit inches—the unit of the requested answer. 

5.5 ft x i^n = 66 in 
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Carefully study the solutions to the remaining five example problems 

below. Notice that in each solution, the conversion factors are written so 

that the unit of the given measurement cancels, leaving the correct unit for 

each answer. When working conversion problems, the equalities needed to 

write the conversion factor may be given in the problem. This is true in 

examples c and d. In other problems, you need to either know or look up the 

necessary equalities, as in examples b, e, and f. 

b. 0.575 E X 19^L = 575 mL 

c. $15.00 X -^j| = 10.6 gal 

19 3 g 
d. 254 crrt3 X —' ° = 4.90 X 103 g 

e. 

f. 

1 on!3 

65 rrrt x 5280 ft x 
lh 

1-17 g 
1 E 

1 mi 

106 p,g 
x 7 X 

lh 
3600 s 

= 95 ft/s 

1 E 
10 

= 1-17 X 10s /xg/dL 

SAMPLE PROBLEM MH-5 

Applying Dimensional Analysis 

A grocer is selling oranges at “3 for $1.” How much would it cost to buy 

a dozen oranges? 

Solution 

The following equality is given in the problem. 

3 oranges = $1 

You can write two conversion factors based on this relationship. 

$1 
and 

3 oranges 

3 oranges $1 

The given unit is oranges; the desired unit is dollars. Thus, use the con¬ 

version factor on the left to convert from oranges to dollars. One dozen 

equals 12, so you can start the calculation with the measurement 12 

oranges. 

$1 
$4 12 oranges x Granges 

The given unit (oranges) cancels, leaving the desired unit (dollars) in the 

answer. 
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Practice the Math 

Use the following equalities for Questions 1-3. 

60 s = 1 min 5.50 yd = 1 rod 

12 in = 1 ft 7 days = 1 wk 

60 min = 1 h 5280 ft = 1 mi 

3 ft = 1 yd 365 days = 1 yr 

24 h = 1 day 

1. Write the conversion factor need for each unit 

conversion. 

a. feet —> yards b. years —> days 

c. yards —» rods d. days —>■ hours 

e. feet -» miles f. seconds —» minutes 

2. Solve each problem by dimensional analysis. 

a. How many feet long is the 440-yard dash? 

b. Calculate the number of minutes in two weeks. 

c. Calculate the number of days in 1800 h. 

d. How many miles is 660 ft? 

e. How many inches long is a 100-yd football field? 

f. Calculate the number of hours in one year. 

g. How many rods are in 12 miles? 

h. Calculate the number of minutes in 7 days. 

3. Solve each problem by dimensional analysis. 

a. A student walks at a brisk 3.50 mi/h. Calculate 

the student’s speed in yards/minute. 

b. Water runs through a hose at the rate of 

2.5 gal/min. What is the rate of water flow 

in units gallons/day? 

c. A clock gains 2.60 s each hour (2.6 s gained/h). 

What is the rate of time gained in 

minutes/week? 

d. A spider travels 115 inches in 1 min 

(speed =115 in/min). What is the speed of 

the spider in miles/hour? 

Applying Dimensional Analysis to Chemistry 

Use the following metric relationships to work out Questions 4 and 5. 

103 m = 1 km 109 nm = 1 m 

10 dm = 1 m 

102 cm = 1 m 

103 mm = 1 m 

106 p,m = 1 m 

1012pm = 1 m 

103 cm3 = 1 L 

1 mL = 1 cm3 

1 g H20 = 1 mL H20 

4. Perform the following conversions. 

a. 45 m to kilometers 

b. 4 X 107 nm to meters 

c. 8.5 dm to millimeters 

d. 8.2 X 10^4 fjim to centimeters 

e. 0.23 km to decimeters 

f. 865 cm3 to liters 

g. 7.28 x 102 pm to micrometers 

h. 56 g H20 to L H20 

5. Perform the following conversions. 

a. 4.5 m/s to millimeters/minute 

b. 7.9 x 10“2 km/h to decimeters/minute 

c. 77 mL H20/s to liters H20/hour 

d. 3.34 X 104 nm/min to centimeters/second 

V 

~\ 
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Algebraic Equations 

Many relationships in chemistry can be expressed as simple algebraic 

equations. However, the equation given is not always in the form that is 

most useful in figuring out a particular problem. In such a case, you must 

first solve the equation for the unknown quantity; this is done by rearrang¬ 

ing the equation so that the unknown is on one side of the equation, and all 

the known quantities are on the other side. 

Solving Simple Equations 
An equation is solved using the laws of equality. The laws of equality are 

summarized as follows: If equals are added to, subtracted from, multiplied 

by, or divided by equals, the results are equal. In other words, you can per¬ 

form any of these mathematic operations on an equation and not destroy 

the equality, as long as you do the same thing to both sides of the equation. 

The laws of equality apply to any legitimate mathematic operation, includ¬ 

ing squaring, taking square roots, and taking the logarithm. 

Consider the following equation, which states the relationship between 

the Kelvin and Celsius temperature scales. 

K = °C + 273 

Can this equation be used to find the Celsius-temperature equivalent of 400 

K? Yes, it can, if the equation is first solved for the unknown quantity, °C. 

A technician in a genetic 

Now you have solved the equation for the unknown quantity. To calculate 

its value, substitute the known quantity into the solved equation. 

research lab removes frozen cell 
samples from cryostorage. The 
cells are stored in liquid nitrogen 
at -196°C. What is this temper¬ 
ature in kelvins? 

°C = K - 273 

= 400 - 273 

= 127°C 
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This thermometer shows both 
the Fahrenheit and Celsius 
temperature scales. What tem¬ 
perature in Celsius corresponds 
to —40°F? Verify the conversion 
by performing a calculation. 

Another commonly used temperature scale is the Fahrenheit scale. The 

relationship between the Fahrenheit and Celsius temperature scales is 

given by the following equation. 

°F = (1.8 X °C) + 32 

Suppose you want to use this equation to convert 365°F into degrees 

Celsius. To solve for °C, you must isolate it on one side of the equation. Since 

the right side of the equation has 32 added to the quantity (1.8 x °C), first 

subtract 32 from both sides of the equation, and then divide each side by 1.8. 

°F = (1.8 X °C) + 32 

°F - 32 = (1.8 X °C) + 32-32 

°F - 32 = (1.8 X °C) 

°F - 32 1.8 X °C 
1.8 1.8 

(°F - 32) 
1.8 ^ 

Now that you have solved the equation for the unknown quantity (°C), 

you can substitute the known quantity (365°F) into the equation and calcu¬ 

late the answer. 

(°F - 32) 

1.8 
(365 - 32) 333 

1.8 ~ T8 
185°C 

SAMPLE PROBLEM MH-6 

Solving Algebraic Equations 

The heat (q) absorbed by the water in a calorimeter can be calculated 

using the following relationship. 

q = mx Cx AT 

In this expression, m is the mass of the water; C is the specific heat of 

water (4.18 J/g -°C); and ATis the change in temperature. If 120 g of 

water absorb 3500 J of heat, by how much will the temperature of the 

water increase? 

Solution 

First solve the equation for the unknown quantity, AT. 

q = m X C X AT 

q _ m X C X A T 

m x C ~ 

q 
m X C 

= AT 
m x C 

Now substitute the known values for q, m, and C. 

q 
A T = 

m x C 

3500 J 

(120 g X 4.18 J/g-°C) 
= 7.0°C 
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Applying Algebra to Chemistry 

4. Solve for v in the following equation. 

Let d = density, m = mass, and v = volume. What 

is the volume of 642 g of gold if the density of gold 

is 19.3 g/cm3? 

5. Solve for n in the following equation. 

PxV=nxRXT 

How many moles (n) of helium gas fill a 6.45-L 

(V) balloon at a pressure (P) of 105 kPa and a tem¬ 

perature (P) of 278 K? 

(R= 8.31 (L-kPa)/(K-mol)) 

6. Solve for V2 in the following equation. 

PY X 1/, P2 X V2 

A 2.50-L (Vi) sample of nitrogen gas at a temper¬ 

ature (Pi) of 308 K has a pressure (P]) of 1.15 atm. 

What is the new volume (V2) of the gas if the pres¬ 

sure (P2) is increased to 1.80 atm and the temper¬ 

ature (P2) decreased to 286 K? 

I ___-J 

7. Solve for ^*He in the following equation. 

-^total = ^Ar + ^*He + ^Kr 

A mixture of gases has a total pressure (Ptotal) of 

376 kPa. What is the partial pressure of helium 

(PHe), if PAr = 92 kPa and PKr = 144 kPa? 

8. Solve for T2 in the following equation. 

What' is the value of T2 when Vl = 5.0 L, 

V2 = 15 L, and P, = 200 K? 
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Percents 

The grade of a road is the slope 
expressed as a percent. A 
downhill 6% grade means that 
for every WO units of horizontal 
distance traveled, there is a 
corresponding 6-unit descent. 

A percent is a ratio that compares a number to 100. The word percent (%) 

means “parts of 100” or “per 100 parts.” Another way to think of a percent is 

a part of a whole expressed in hundredths. Thus, the number 0.52 (“52 hun¬ 

dredths”) can also be expressed as 52%, or “52 per 100 parts.” 

You should be familiar with percents. For example, test scores are often 

expressed as percents. Suppose you answer 24 questions correctly on a 

30-question exam. The part out of the whole, expressed as a percent, can be 

calculated as follows. 

Part _ number of correctly answered questions 

Whole number of questions asked 

= 24 
30 

= 0.80 = -j^ = 80% 

Note that 0.80, 80/100, and 80% all express the same value: 

80 hundredths (or “80 per 100 parts”). 

Another way to calculate a percent is to multiply the ratio of the part to 

the whole by 100%. 

Percent = P31 ? X 100% 
whole 

Suppose a high school science club consists of 27 boys and 23 girls. What 

percent of the club is made up of boys? 

Percent = 
number of boys 

number of total members 
100% 

27 2+ 23 X 100% 

= § x 100% 

= 0.54 X 100% 

= 54% 

Because a percent represents a relationship between two quantities, it 

can be used as a conversion factor. For example, suppose a friend tells you 

that she got a score of 95% on a 40-question exam. How many questions did 

she answer correctly? A score of 95% means 95 correctly answered ques¬ 

tions for every 100 questions asked. By expressing this relationship as a con¬ 

version factor, you can calculate the number of correctly answered 

questions. 

40 questiens-asked x 
95 correctly answered questions 

100 questiens-asked 

= 38 correctly answered questions 
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SAMPLE PROBLEM MH-7 

Using Percents as Conversion Factors 
Six students are absent from their class one day. If 80% of the students 

in the class are present, what is the total class enrollment? 

Solution 

Because 80% of the class is present, the six absent students make up 

20% of the class. If 20% of the students are absent, this means that 20 

students are absent for every 100 students enrolled. Use dimensional 

analysis to calculate the total class enrollment. 

Ostudents-absem x (fOOstudentsenj^^ 
\ 20 students-atosent ) 

= students enrolled 

= 30 students enrolled 
v_) 

Practice the Math 

1. Write each fraction as a percent. 
a 3 hi c JL H 5 a. 4 D. 5 c. 10 a. 8 

2. Write each decimal as a percent. 

a. 0.39 b. 0.08 c. 4.2 d. 0.5 

3. Calculate a score for each exam expressed as a 

percent. 

a. Sixteen questions correctly answered on a 

25-question exam. 

b. Forty-one questions correctly answered on a 

50-question exam. 

c. Sixty-eight questions correctly answered on an 

85-question exam. 

4. A quality control inspector found that 7 out of 

every 200 flashlights produced were defective. 

What percent of the flashlights were not 

defective? 

5. A student answered 57 questions correctly on 

an exam and received a score of 95%. How 

many questions were on the exam? 

6. During a flu epidemic, 28% of the students 

were absent. If 238 students were absent, what 

is this school’s enrollment? 

_) 

Applying Percents to Chemistry 

7. A mining company is abstracting silver from an 

ore is that 0.014% silver (by mass). How many 

kilograms of ore must be processed to yield 0.7 kg 

of silver? 

8. A fertilizer is 12.0% (by mass) nitrogen and 5.5% 

(by mass) phosphorus. How many grams of each 

element are in 140 g of this fertilizer? 

9. A compound is broken down into 34.5 g of ele¬ 

ment A, 18.2 g of element B, and 2.6 g of element 

C. What is the percent (by mass) of each element 

in this compound? 

10. What is the percent by mass of sodium chloride 

(NaCl) in each of the following solutions? 

a. 44 g NaCl dissolved in 756 g of water 

b. 15 g NaCl dissolved in 485 g of water 

c. 135 g NaCl dissolved in 765 g of water 

11. The antiseptic hydrogen peroxide is often sold 

as a 3.0% (by mass) solution, the rest being 

water. How many grams of hydrogen peroxide 

are in 250 g of this solution? 

12. A nighttime cold medicine is 22% alcohol (by 

volume). How many mL of alcohol are in a 

250 mL bottle of this medicine? 
_/ 
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Graphing 

* 

The relationship between two variables in an experiment is often deter¬ 

mined by graphing the experimental data. A graph is a “picture” of the data. 

Once a graph is constructed, additional information can be derived about 

the variables. 

In constructing a graph, you must first label the axes. The manipulated 

variable (also known as the independent variable) is plotted on the x-axis. 

This is the horizontal axis. The manipulated variable is controlled by the 

experimenter. When the independent variable is changed, a corresponding 

change in the responding variable (also known as the dependent variable) 

is measured. The responding variable is plotted on the y-axis. This is the 

vertical axis. The label on each axis should include the unit of the quantity 

being graphed. 

Before data can be plotted on a graph, each axis must be scaled. Each 
A line graph can be used to show 
the relationship between two 
variables. The manipulated 
variable is plotted on the x-axis. 
The responding variable is 
plotted on the y-axis. 

interval on the scale must represent the same amount. To make it easy to 

find numbers along the scale, the interval chosen is usually a multiple of 1, 

2, 5, or 10. Although each scale can start at zero, this is not always practical. 

Data are plotted by putting a point at the intersection of corresponding 

values of each pair of measurements. Once the data has been plotted, the 

points are connected by a smooth curve. A smooth curve comes as close as 

possible to all the plotted points. It may in fact not touch any of them. 

Inverse and Direct Proportionalities 
Depending on the relationship between two variables, a plotted curve may 

or may not be a straight line. Two common curves are shown below. 

Volume vs. Pressure Volume vs.Temperature 

Pressure (P) Temperature (T) 
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The volume- vs. -pressure curve is typical of an inverse proportionality. 

As the manipulated variable (P) increases, the responding variable (1/) 

decreases. The product of the two variables at any point on the curve of an 

inverse proportionality is a constant. Thus, Vx P = constant. 

The straight line in the volume- vs. -temperature graph is typical of a 

direct proportionality. As the manipulated variable (T) increases, there is a 

corresponding increase in the responding variable (V). A straight line can 

be represented by the following general equation. 

y = mx + b 

The variables y and x are plotted on the vertical and horizontal axes, respec¬ 

tively. They-intercept, b, is the value of y when x is zero. The slope, m, is the 

ratio of the change in y (Ay) for a corresponding change in x (Ax). 

Plotting and Interpreting Graphs 
Consider the following set of data about a bicyclist’s trip. Assume that the 

bicyclist rode at a constant speed. 

Distance from home (km) 15 25 35 50 75 

Time (h) 1 2 3 4.5 7 

Graph these data using time as the manipulated variable, and then use 

the graph to answer the following questions. 

a. How far from home was the bicyclist at the start of the trip? 

b. How long did it take for the bicyclist to get 40 km from home? 

The plotted points are shown in the graph below. Each point was plot¬ 

ted by finding the value of time on the x-axis, then moving up vertically to 

the value of the other variable (distance). A smooth curve (in this case a 

straight line), has been drawn through the points. 

Distance vs.Time 

Figure 1 
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Figure 2 

To answer problem a, extend the curve so that it intersects the y-axis, as 

in the graph above. The graph shows that the bicyclist started the trip 5 km 

from home. This is the value of the vertical axis (distance) when the time 

elapsed is zero (point a on the graph). 

For problem b, find the value 40 km on the y-axis of the graph. Move to 

the right (horizontally) in the graph until you reach the line. Drop down ver¬ 

tically and read the value of time at this point (point b). It takes the bicyclist 

3.5 h to get 40 km from home. 

SAMPLE PROBLEM MH-8 

Interpreting Graphs 

Use the distance- vs. -time graph above to calculate the bicyclist’s 

average speed in kilometers per hour (km/h). 

Solution 

Speed is distance/time. The average speed of the bicyclist is the slope 

of the line in the graph. Calculate the slope using the values for time 

and distance corresponding to points c and d. 

m = 
Ay _ 55 km - 40 km _ 15 km 
Ax 5 h - 3.5 h 1.5 h 

You can now write an equation for the line. 

y = mx + b 

Distance = (10 km/h) (time) + 5 km 

= 10 km/h 
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Practice the Math 

1. A bicyclist wants to ride 100 kilometers. The data 

below show the time required to ride 100 kilome¬ 

ters at different average speeds. 

Time (h) 4 5 8 10 15 20 
Avg speed (km/h) 25 20 12.5 10 6.7 5 

a. Graph the data, using average speed as the in¬ 

dependent variable. 

b. Is this a direct or inverse proportionality? 

c. What average speed must be maintained to 

complete the ride in 12 hours? 

d. If a bicyclist’s average speed is 18 km/h, how 

long does it take to ride 100 km? 

2. The data below shows how the mass of a baby 

varies with its age during its first year of life. 

Age (days) 40 110 200 270 330 
Mass (kg) 4.0 5.4 7.3 8.6 9.9 

a. Graph the data, using age as the independent 
variable. 

b. Derive an equation in the form of y = mx + b. 

Include units on the values of y and b. 

c. Why would the values of y and b be of interest 

to both the baby’s parents and physician? 

Applying Graphs to Chemistry T mi I ■ Hi 'rfmT'lffi ; ^-.'H-;4444Th44 1-1 ITU l.-U-HT 

3. Use the following data to draw a graph that shows the relationship 

between the Fahrenheit and Celsius temperature scales. Make °F the 

responding variable. Use the graph to derive an equation relating °F and °C. 

Then use the graph or the equation to find values for ylt and x3. 

Temperature (°F) 50 212 356 -4 Ti 70 400 

Temperature (°C) 10 100 180 -20 70 %2 x3 

4. Different volumes of the same liquid were added to a graduated cylinder 

sitting on a balance. After each addition of liquid the total volume of liquid 

and mass of the liquid-filled graduated cylinder was recorded in the table 

below. 

Total volume of liquid (mL) 10 25 45 70 95 

Mass of liquid and cylinder (g) 138 159 187 222 257 

a. Graph the data, using volume as the manipulated variable. 

b. What is the y-intercept of the line? Make sure to include the unit. 

c. What does the value of the y-intercept represent? 

d. Calculate the slope of the line, and make sure to include the unit. 

e. What does the slope of the line represent for this liquid? 

f. Write a general equation that represents the line in your graph. 

5. A student collected the following data or a fixed volume of gas. 

Temperature (°C) 10 20 40 70 100 

Pressure (mm Hg) 726 750 800 880 960 

a. Graph the data, using pressure as the responding variable. 

b. Is this a direct or inverse proportionality? 
c. At what temperature is the gas pressure 822 mm Hg? 

d. What is the pressure of the gas at a temperature of 0°C? 
e. How does the pressure of the gas change with a change in temperature? 

f. Write an equation relating the pressure and temperature of the gas. 
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Logarithms 

5.4 8 Y 
* ■ 8.3 c \ 

The acidity of a solution is 
measured with a pH meter. The 
pH scale is a logarithmic scale 
based on the relationship 
pH = -log[H+]. 

Certain scales of measurement are based on logarithms, including the pH 

scale (used to measure acidity) and the decibel scale (used to measure the 

relative loudness of sounds). Because the pH scale is a logarithmic scale, it 

allows avast range of values (from 1.0 to 10~14) to be expressed simply as a 

number between 0 and 14. 

The common logarithm (log) of a number is the exponent to which 10 

must be raised to produce that number. If x = 10 ’', then log x — y. Thus, 

since 0.01 = 10 2, it follows that log 0.01 = -2. Likewise, log 10,000 = 4, 

because 10,000 = 104. 

Using a Calculator to Compute Logarithms 
You can determine the logarithm of a number by using the [log] key on a 

calculator. (Do not confuse the [log] key with the [In] key.) If you are calcu¬ 

lating the logarithm of a measured value, then the number of decimal 

places in the logarithm must be rounded to equal the number of significant 

figures in the measurement. For example, to calculate the logarithm of 3.45, 

enter the keystrokes shown below. 

log 3.45 = [3] [.] [4] [5] [log] = 0.5378191 = 0.538 

The number in the display (the logarithm) is 0.5378191. This value must be 

rounded to three decimal places so as to equal the number of significant fig¬ 

ures in the original number. (3.45 has three significant figures.) 

Practice using the logarithm function on your calculator by working out 

problems a and b. For simplification, only the [log] keystrokes are indi¬ 

cated. Make sure to round your answers to the correct number of decimal 

places. 

a. log 0.0087 = 0.0087 [log] = -2.0604807= -2.06 

(0.0087 has two significant figures, so round to two decimal places.) 

b. log 3.11 X 10~5 = 3.11 X 10“5 [log] = -4.5072396= -4.507 

(3.11 X 10”5 has three significant figures, so round to three decimal 

places.) 

Antilogarithms 
The reverse process of converting a logarithm into a number is referred to 

as obtaining the antilogarithm. The antilogarithm of the logarithm of num¬ 

ber x is the number x itself. 

antilog (log x) = x 

If log 10“7 = —7, then antilog (-7) = 10~7. Likewise, if log 102 = 2, then 

antilog (2) = 102. 
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You can calculate the antilog of a number by using the [ 101 key on your 

calculator. To find the antilogarithm of 0.538, enter [.] [5] [3] [8] followed by 

the [101 key. (Depending on your calculator, you may need to press the 

[2nd] or [INV] key first.) The number in the display (the antilogarithm) is 

3.45143734. This value must be reported to three significant figures (as 

3.45), because the original number (0.538) was reported to three decimal 

places. 

Practice using the [101 key on your calculator by working out the anti¬ 

logarithms of the logarithms you calculated earlier. 

a. antilog (-2.06) = -2.06 [101 = 0.0087096= 0.0087 

(-2.06 has two decimal places, so round to two significant figures) 

b. antilog (-4.507) = -4.507(101 = 0.000031117= 3.11 X 10~5 

(—4.507 has three decimal places, so round to three significant figures) 

SAMPLE PROBLEM MH-9 

Logarithms and Antilogarithms 
Use your calculator to find the logarithm of 8.10 X 103. Check your 

answer by computing its antilogarithm. 

Solution 

log 8.10 X 103 = 8.10 X 103 [log] = 3.9084850 = 3.908 

antilog (3.908) = 3.908 [101 = 8090.9590 = 8.09 X 103 

Notice that because you rounded the logarithm to three decimal places, 

the calculated antilog (8.09 X 103) is not exactly the same as the original 

number given (8.10 X 103). 
V_) 

Practice the Math 

1. Calculate the logarithms of the following 

numbers, 

a. 7.56 

c. 456 

e. 1.485 X 10~6 

b. 0.000678 

d. 4.27 X 103 

f. 1 X 1012 

2. Calculate the antilogarithms of the following 

numbers. 

a. 2.56 b. 6.111 

c. -3.55 d. 1.138 

e. 0.962 f. -0.864 

Applying Logarithms to Chemistry 

3. The hydrogen ion concentration, [H+], of an 

aqueous solution can be expressed as a pH value 

according to the following relationship. 

pH = -log [H+] 

Determine pH values for solutions having the fol¬ 

lowing [H+] values. The symbol M represents 

molarity, a unit of concentration, 

a. 1 X 1CT8 M b. 1 X HT1 M 

c. 4.8 X 10 7 M d. 0.0034 M 

4. The relationship between pH and [H+] can also 

be expressed as follows. 

[H+] = antilog (-pH) 

Determine [H+] values for aqueous solutions having 

the following pH values. 

a. 14.0 b. 7.0 

c. 7.86 d. 4.05 

e. 11.65 f. 2.945 

g. 3.68 h. 12.850 

Math Handbook R79 



Appendix D: Safety In the Chemistry Lab 

The experiments in this book have been carefully 

designed to minimize the risk of injury. However, 

safety is also your responsibility. The following rules 

are essential for keeping you safe in the laboratory. 

The rules address pre-lab preparation, proper 

laboratory practices, and post-lab procedures. 

Pre-Lab Preparation 
1. Read the entire procedure before you begin. 

Listen to all of your teacher’s instructions. When 

in doubt about a procedure, ask your teacher. 

2. Do only the assigned experiments. Do any 

experiment only when your teacher is present 

and has given you permission to work. 

3. Know the location and operation of the following 

safety equipment: fire extinguisher, fire blanket, 

emergency shower, and eye wash station. 

4. Know the location of emergency exits and escape 

routes. To make it easy to exit quickly, do not 

block walkways with furniture. Keep your work 

area orderly and free of personal belongings such 

as coats and backpacks. 

5. Protect your clothing and hair from chemicals 

and sources of heat. Tie back long hair and roll 

up loose sleeves when working in the laboratory. 

Avoid wearing bulky or loose-fitting clothing. 

Remove dangling jewelry. Wear closed-toe shoes 

at all times in the laboratory. 

Proper Laboratory Practices 
6. Even with well-designed and tested laboratory 

procedures, an accident may occur while you 

are working in the lab. 

A Report any accident, no matter how minor, to 

your teacher. 

7. Wear chemical splash goggles at all times when 

working in the laboratory. These goggles are 

designed to protect your eyes from injury. While 

working in the lab, do not rub your eyes, because 

chemicals are easily transferred from your hands 

to your eyes. 

A If, despite these precautions, a chemical gets 

in your eye, remove any contact lenses and 

immediately wash your eye with a continuous 

stream of lukewarm water for at least 15 minutes. 

8. To reduce danger, waste, and cleanup, always 

use the minimal amounts of chemicals specified 

for an experiment. 

9. Never taste any chemical used in the laboratory, 

including food products that are the subject of 

an investigation. Treat all items as though they 

are contaminated with unknown chemicals that 

may be toxic. Keep all food and drink that is not 

part of an experiment out of the laboratory. Do 

not eat, drink, or chew gum in the laboratory. 

A If you accidentally ingest a substance, notify 

your teacher immediately. 

10. Don’t use chipped or cracked glassware. Don’t 

handle broken glass. If glassware breaks, tell 

your teacher and nearby classmates. Discard 

broken glass as instructed by your teacher. 

A If, despite these precautions, you receive a 

minor cut, allow it to bleed for a short time. 

Wash the injured area under cold running water and 

notify your teacher. More serious cuts or puncture 

wounds require immediate medical attention. 

11. Do not handle hot glassware or equipment. You 

can prevent burns by being aware that hot and 

cold equipment can look exactly the same. 

A If you are burned, immediately run cold water 

over the burned area for several minutes until 

the pain is reduced. Cooling helps the burn heal. 

Ask a classmate to notify your teacher. 

12. Recognize that the danger of an electrical shock 

is greater in the presence of water. Keep electrical 

appliances away from sinks and faucets to 

minimize the risk of electrical shock. Be careful 

not to spill water or other liquids in the vicinity of 

an electrical appliance. 

A If, despite these precautions, you spill water 

near an electrical appliance, stand back, notify 

your teacher, and warn other students in the area. 

13. Report any chemical spills immediately to your 

teacher. Follow your teacher’s instructions for 

cleaning up spills. Warn other students about the 

identity and location of spilled chemicals. 

A If, despite these precautions, a corrosive 

chemical gets on your skin or clothing, notify 

your teacher. Then wash the affected area with cold 

running water for several minutes. 
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Post-Lab Procedures 
Dispose of chemicals in a way that protects 

you, your classmates, and the environment. 

Always follow your teacher’s directions for 

cleanup and disposal. Clean your small-scale 

reaction surface by draining the contents 

onto a paper towel. Then wipe the surface 

with a damp paper towel and dry the surface 

completely. Dispose of the paper towels in 

the waste bin. 

15. Wash your hands thoroughly with soap and 

water before leaving the laboratory. 

Take appropriate precautions when 
any of the following safety symbols 
appears in an experiment. 

0 Low 
1 Slight 
2 Moderate 
3 High 
4 Extreme 

A Materials Safety Data 
Sheet (MSDS) for a chemical 
describes any safety issues. A 
diagram summarizes risks 
related to flammability, 
health, and reactivity. A 
number scale indicates the 
level of risk. 

Safety Symbols 

Eye Safety 

Wl Wear safety goggles. 

181 Clothing Protection 

Wear a lab coat or apron when using 

corrosive chemicals or chemicals that 

can stain clothing. 

Skin Protection 

Wear plastic gloves when using chemicals 

that can irritate or stain your skin. 

Broken Glass 

Do not use chipped or cracked glassware. 

Do not heat the bottom of a test tube. 

Open Flame 

Tie back hair and loose clothing. 

Never reach across a lit burner. 

Flammable Substance 

Do not have a flame near 

flammable materials. 

Corrosive Substance 

Wear safety goggles, an apron, and gloves 

when working with corrosive chemicals. 

Poison 

Don’t chew gum, drink, or eat in the laboratory. 

Never taste a chemical in the laboratory. 

Fume 

Stiff Avoid inhaling substances that can 

irritate your respiratory system. 

Q Thermal Burn 

Do not touch hot glassware or equipment. 

Electrical Equipment 

Keep electrical equipment away from 

water or other liquids. 

Sharp Object 

To avoid a puncture wound, use scissors 

or other sharp objects only as intended. 

Disposal 

Dispose of chemicals only as directed. 

HandWashing 

Wash your hands thoroughly with 

soap and water. 
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Appendix E: Selected Answers 

Chapter 

26. 24 short blocks 

27. 24 minutes 

28. The order of the morning errands cannot vary, but 
the order of the afternoon errands can vary, as long 

as the haircut takes place before 3 pm. 

29. Possible answers are to do an errand during his 

lunch hour or to extend the hours during which he 
does errands. 

35. Chemistry concerns the changes that matter 
undergoes. 

37. Carothers was doing pure chemistry because he did 

experiments to test the proposal of another chemist. 
His results led to applied chemistry—large-scale 
production of nylon. 

39. A possible answer is that a firefighter needs to know 

which chemicals to use to fight different types of 
fires, and knowledge of chemistry will help a 
reporter gather information during an interview 

with a chemist. 

41. Insulation acts as a barrier to heat flow. If heat flow 

is reduced, energy is conserved. 

43. gene therapy and production of chemicals such as 
insulin 

45. A pollutant is a material that can be found in air, 

soil, and water that is harmful to living organisms. 

47. by analyzing the light they transmit to Earth 

49. the scientific method 

51. c 

53. Repeat the experiment. If you get the same result, 
you must propose a new hypothesis. 

55. to share knowledge across disciplines and to share 
resources between industries and universities 

57. developing a plan and implementing the plan 

59. 54 games (1/3 of 163) 

61. 12 days 

63. Answers will vary but should demonstrate an under¬ 

standing that chemistry is the study of matter and 
the changes it undergoes. 

65. You may choose biochemist because biochemistry 
is the study of processes that take place in organ¬ 

isms. However, you might choose physical chemist 
because physical chemistry includes the study of 
energy transfer as matter undergoes a change. 

67. Your experiment may be correct, but your hypothe¬ 
sis may be wrong. You should reexamine your 

hypothesis and repeat the experiment. 

69. Answers will vary but should reflect knowledge of 

the steps in a scientific method including making 
observations and testing hypotheses. 

71. 300 miles 

73. A possible answer is that scientists accept hypothe¬ 
ses that are supported by the results of experiments 

and reject hypotheses that are not supported by 
experimental results. 

75. A person who is educated in the theories and prac¬ 
tice of chemistry is more likely to recognize the sig¬ 
nificance of an accidental discovery and have the 

means and motivation to develop that accidental 
discovery into an important scientific contribution. 

77. A theory can never be proven. It is a well-tested 
explanation of a broad set of observations. A theory 

may need to be changed in the future to explain new 

observations. 

79. Your diagram should show one string that is 
threaded through both holes A and C. The string at 

hole B is a separate thread from the string passing 
through holes A and C. 

81. 144,000 eggs 

83. a. $1.00 per package 

b. number of envelopes in a package 

Chapter 2 

9. Iron is magnetic; table salt is not. Table salt will 
dissolve in water; iron will not. 

10. By lowering the temperature to below the boiling 

point of each gas, you could condense each 
substance and separate the gases. 

18. Liquid A is probably a substance. Liquid B is a 
mixture. 

19. The liquid was not an element because a solid was 
left when the liquid evaporated. A physical process, 
such as evaporation, cannot be used to break down 

a compound. Therefore, the liquid was a mixture. 

35. An extensive property depends on the amount of 
matter in a sample; an intensive property depends 

on the type of matter in a sample. Extensive proper¬ 
ties include mass and volume. Intensive properties 

include color, hardness, melting point, and 
boiling point. 

37. melting point and boiling point 
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39. a. solid b. liquid c. gas 

d. liquid e. gas f. liquid 

41. The particles in a solid are packed tightly together in 

an orderly arrangement. The particles in a liquid are 
in close contact, but not in a rigid or orderly arrange¬ 

ment. The particles in a gas are relatively far apart. 

43. Sharpening a pencil is an irreversible physical 

change. Making ice cubes is a reversible physical 
change. 

45. one; solutions are homogeneous mixtures with uni¬ 

form composition throughout. 

47. The goal of a distillation is to separate the compo¬ 

nents of a solution. The solution is boiled to produce 

a vapor, which is then condensed into a liquid. 
Solids dissolved in the solution are left behind. 

49. a. Hydrogen and oxygen are the elements that 

make up the compound water. 
b. Nitrogen and oxygen are both elements present 

in the mixture air. 

c. Sodium and chlorine are both elements in the 

compound sodium chloride (table salt). 
d. Carbon is an element and water is a compound. 

They are the final products of heating table sugar 

(sucrose). 

51. In the symbol W, the single letter is capitalized. In 

the two-letter symbol Hg, the first letter is a capital 

and the second letter is lowercase. 

53. When heated, sulfur and iron react and form a new 

substance, iron sulfide. The composition of the reac¬ 

tants in a chemical change is different from the com¬ 
position of the products. In a physical change, the 
chemical composition of a sample doesn’t change. 

55. chemical property 

57. Mass is an extensive property, which depends only 
on the amount of matter in the sample, not on the 

composition of the sample. 

59. Substances are classified as solids, liquids, or gases 
according to their state at room temperature, which 

in this book is 20°C. 

61. neon 

63. sulfur 

65. In both the kitchen and park, you will see mostly 

mixtures. 

67. a. physical b. physical c. physical 

d. physical e. chemical 

69. In photograph A, bubbles indicate the production of 
a gas. In photograph B, there is a color change and a 

precipitate. 

71. A gas can be released during a physical change. For 

example, bubbles form when water boils. 

73. A gas expands to fill any space; a gas has no shape or 
volume without a container. A solid has a definite 
shape and volume; a solid doesn’t need a container 

to maintain its shape and volume. 

75. Gallium will freeze first; mercury will freeze last. 

77. Iron rusts when it reacts with oxygen in the air to 

form an oxide (Fe203). The mass of the rust is the 

sum of the mass of the iron and the oxygen that 
combined with the iron. 

79. a. Yes; because the graph is a straight line, the pro¬ 

portion of iron to oxygen is a constant, which is 
true for a compound. 

b. No; a point for the values given wouldn’t fall 

on the line. The mass ratio of iron to oxygen is 
different. 

81. a. mercury and sulfur 

b. Sulfur melts at 113°C and boils at 445°C. Between 

113°C and 445°C, it exists as a liquid. Mercury 

melts at -39°C, and boils at 357°C. In between 
these temperatures, it exists as a liquid. 

c. Possibilities include by color, by boiling point, or 

in alphabetical order. 

Chapter 3 

1. a. 4 b. 4 c. 2 d. 5 

2. a. 3 b. 2 c. 4 d. 4 

3. a. 8.71 X 10'm b. 4.36 X 10Bm 

c. 1.55 X 10-2 m d. 9.01 X 103 m 
e. 1.78 X 10~3 m f. 6.30 X 102 m 

4. a. 9 X 10'm b. 4 X 108m 

c. 2 X 10-2 m d. 9 X 103 m 

e. 2 X 10~3 m f. 6 X 102 m 

5. a. 79.2 m b. 7.33 m 

c. 11.53 m d. 17.3 m 

6. 23.8 g 

7. a. 1.8 X 10'm2 b. 6.75 X 102 m 

c. 5.87 X 10~' min 

8. 1.3 X 103 m3 

16. — 196°C 

17. melting point = 1234 K; boiling point = 2485 K 

28. 1.0080 X 104 min 

29. 1.44000 X 105 s 

30. 67 students 

31. 86.4°F 

32. a. 44 m b. 4.6X10~3g c. 10.7 eg 

33. a. 1.5 X 10 2 L b. 7.38 X 10 3 kg 

c. 6.7 X 103ms d. 9.45 X 107p.g 

34. 2.27 X 10~8 cm 

35. 1.3 X 108 dm 

36. 1.93 X 104 kg/m3 

37. 7.0 X 1012 RBC/L 

46. density = 2.50 g/cm3; no 

47. 10.5 g/cm3 

48. a. 6.32 cm3 b. 0.342 cm3 
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49. See answers for problem 48. 

57. Lissa: inaccurate and imprecise; Lamont: accurate 

and precise; Leigh Anne: inaccurate and precise. 

59. a. 98.5 L 
c. 57.0 m 

61. 59a. 9.85 X lCTL 
59c. 5.70 X 101 m 

60a. 4.3 X 101 g 
60c. 9.20 X 101 kg 

63. a. second b. meter 

65. a. 2.4 mm b. 14.33 < 

67. conversion factor 

b. 0.000763 eg 

d. 12.2°C 

59b. 7.63 X 1(T4 eg 
59d. 1.22 X 10loC 

60b. 2.258 X 10 '2 L 
60d. 3.24 X ltTm3 

c. kelvin d. kilogram 

i c. 27.50 cm 

69. The unit of the conversion factor in the denomina¬ 

tor must be identical to the unit in the given mea¬ 
surement or the previous conversion factor. 

71. a. 7.3/rL/s b. 

73. a. 2.83 X 102 mg 

c. 2.83 X 10“4 kg 
e. 6.6 X 102 eg 
g. 2.8 X 1CT1 rng 

i. 2.8 X 10-7 kg 

78.6 mg/mm2 c. 1.54 g/cm3 

b. 0.283 g 
d. 6.6 g 

f. 6.6 X 1CT3 kg 
h. 2.8 X 10~2 eg 

75. Yes; neither mass nor volume changes with location. 

77. The carbon dioxide-filled balloon would sink. The 

neon- and hydrogen-filled balloons would rise, the 
hydrogen at a much faster rate. 

79. e, d, c, f, a, b 

81. °F = 1.8°C + 32 

lg 102 eg lg 103mg 102cg 103mg 

102 eg’ 1 g ’ 103 mg’ 1 g ’ 103 mg’ 102 eg 

85. 0.69-0.789 g/cm3 

87. 0.804 g/cm3 

89. 0.92 kg/L 

91. 8.3 min 

93. 5.52 kg/dm3 

95. Yes; the mass of an object is constant, but the 
weight of an object varies with location. 

97. 31.1 m/s 

99. Answers will vary. Lakes would freeze solid from 

the bottom up; aquatic life would be destroyed; 
possible climate changes. 

0 20 40 60 80 100 
Volume of Sulfur (cm3) 

density of sulfur = 2.1 g/cm3 

103. Volume of iron cube = 45.1 cm3; mass of lead 

cube = 514 g 

105. 1.8 X 103 kg 

107. 1.79 mL 

Chapter 4 

15. a. 19 b. B c. 5 d. 5 
e. 16 f. 16 g. 23 h. 23 

16. a. 9 protons and 9 electrons 
b. 20 protons and 20 electrons 

c. 13 protons and 13 electrons 

17. a. 8 b. 16 c. 61 d. 45 e. 125 

18. a. »C b. 13F c. 3Be 

19. “0,120,“0 

20. Chromium-50 has 26 neutrons, chromium-52 has 

28 neutrons, and chromium-53 has 29 neutrons. 

21. boron-11 

22. Silicon-28 must be by far the most abundant. The 
other two isotopes must be present in very small 
amounts. 

23. 63.6 amu 

24. 79.91 amu 

35. Democritus’s ideas were not helpful in explaining 

chemical behavior because they lacked experi¬ 
mental support. 

37. The atoms are separated, joined, and rearranged. 

39. repel 

41. Atoms are neutral: number of protons = number of 
electrons. Loss of an electron means that the num ¬ 

ber of protons is greater than the number of elec¬ 
trons, so the remaining particle is positively 
charged. 

43. Rutherford did not expect alpha particles to be 

deflected over a large angle. 

45. protons and neutrons 

47. the number of protons in the nucleus 

49. The atomic number is the number of protons. 
The mass number is the sum of the protons and 
neutrons. 

51. mass numbers, atomic masses, number of neu¬ 
trons, relative abundance 

53. which isotopes exist, their masses, and their natu¬ 
ral percent abundance 

55. The atomic mass is the weighted average of the 

masses of all the isotopes. 

57. Sample answer: The table is set up so that chemical 
properties recur at regular intervals. 

59. The nucleus is very small and very dense compared 
with the atom. 

61. All atoms of the same element are not identical (iso¬ 

topes). The atom is not the smallest particle of matter. 
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63. They are the same value. 

65. 207 amu 

67. Atoms are the smallest particle of an element that 

retains the properties of that element. 

69. ^N: 14.003 amu; 99.63%; ^N: 15.000 amu; 0.37%; 
average atomic mass = 14.01 amu 

71. Atomic number is the same as the number of pro¬ 

tons and electrons; mass number minus atomic 
number equals number of neutrons. 

73. The pattern repeats. 

75. Change the metal used as a target and account for 
differences in deflection patterns. 

77. The theory must be modified and then retested. 

79. In a chemical change, atoms are neither created nor 
destroyed; instead, they are rearranged. 

81. 92.5% 

83. Pure chemistry involves the accumulation of scien¬ 

tific knowledge for its own sake; applied chemistry is 

accumulating knowledge to attain a specific goal. 

85. a. element b. mixture 

c. mixture d. mixture 

87. 6.38 X 107 cm3 

Chapter 5 

8. a. ls22s22p2 

b. 1 ^2jfi3^3f 
c. ls22s22p63s23p63<i84s2 

9. a. l5z2s22jt?1; one unpaired electron 
b. ls22522p63s23p2 two unpaired electrons 

14. 2.00 X 10"5 m; longer wavelength than red light 

15. 6.00 X 1015 s_1; ultraviolet 

23. Bohr proposed that electrons traveled in circular 

paths around the nucleus. 

25. An electron is found 90% of the time inside this 

boundary. 

27. 3 

29. a. 1 b. 2 c. 3 d. 4 

31. The Aufbau principle states that electrons occupy 
the lowest possible energy levels. The Pauli exclu¬ 

sion principle states that an atomic orbital can hold 
at most two electrons. Hund’s rule states that one 
electron occupies each of a set of orbitals with equal 

energies before any pairing of electrons occurs. 

33. The p orbitals in the third quantum level have three 

electrons. 

35. a. correct b. incorrect 

c. incorrect d. correct 

37. 2s, 3p, 45, 3d 

39. a. l522s22pe3s23pB3d104s24p4 

b. 1 sl2&2ff3sl3pP3d?4sl 
c. ls22522p63s23p63d8452 

d. 1 s*2^2pti3?3pP4s? 

41. Frequency is the number of wave cycles that pass a 

given point per unit time. Frequency units are 

cycles/s or reciprocal seconds or hertz. Wavelength 

and frequency are inversely related. 

43. Classical physics views energy changes as continu¬ 
ous. In the quantum concept, energy changes occur 

in tiny discrete units called quanta. 

45. a. v, vi, iv, iii, i, ii 

b. It is the reverse. 

47. The electron of the hydrogen atom is raised 
(excited) to a higher energy level. 

49. visible spectrum, Balmer series 

51. l5225z2p63523p63d104524p3. The first three energy 

levels are full; the fourth energy level is partially filled. 

53. ls^s^p3 nitrogen; 3 unpaired electrons 

a. 4.36 X 10 5 cm b. visible 
c. 6.88 X lO^s”1 

a. Na, sodium b. N, nitrogen 
c. Si, silicon d. O, oxygen 
e. K, potassium f. Ti, titanium 

59. It is not possible to know both the position and the 

velocity of a particle at the same time. 

61. c. 

63. a. 

65. An orbit confines the electron to a fixed circular path 
around the nucleus; an orbital is a region around the 

nucleus in which electrons are likely to be found. 

67. Answers will vary. The model of the atom uses the 

abstract idea of probability; light is considered a 
particle and a wave at the same time. Atoms and 
light cannot be compared to familiar objects or 

observations because humans cannot experience 
atoms or photons directly and because matter and 
energy behave differently at the atomic level than at 

the level humans can observe directly. 

69. a. n = 1 level b. n = 4 level 
c. n = 4 level d. n — 1 level 

71. a. potassium, excited state, valence election has 

been promoted from 4s to 5p 
b. potassium, ground state, correct electron config¬ 

uration 
c. impossible configuration, 3p can hold a maxi¬ 

mum of 6 electrons, not 7 

73. a. a. 5.20 X 1012 b. 4.40 X 1013 
c. 9.50 X 1013 d. 1.70 X 1014 

e. 2.20X1014 f. 4.70X1014 

Frequency (x 1012s ’) 
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c. 6.3 X 10“34 J/s 

d. The slope is Planck’s constant. 

75. H: 1312 kj/mol in = 1); 328 kj(n = 2); 
Li2+: 1.18 X 104 kj [n = 1) 

77. a. and b. are heterogeneous; c. is homogeneous. 

79. A compound has constant composition; the compo¬ 

sition of a mixture can vary. 

81. 7.7 X 10 5 ^m 

83. the piece of lead 

85. a. and b. are exact. 

87. 8.92 g/cm3 

89. Helium gas is much less dense than the nitrogen gas 
and oxygen gas in the air. 

91. accuracy-how close measured value is to true value; 
precision-how close a series of measurements are to 
one another 

93. Neon-20 has 10 neutrons in the nucleus, neon-21 
has 11 neutrons in the nucleus. 

Chapter 6 

8. a. ls22s22p2 

b. ls22s22pCl3s23pB3dw4s2 4p6 5s2 

c. \sz2s22p63s23p63d3 4s2 

9. a. B, Al, Ga, In, T1 b. F, Cl, Br, I, At 
c. Ti, Zr, Hf, Rf 

25. The close match between the predicted properties 
and the actual properties of gallium, which was dis¬ 

covered in 1875, helped gain wider acceptance for 

Mendeleev’s periodic table. 

27. Yes; both carbon and silicon are in Group 4A and 

each has four electrons in its highest occupied 
energy level. 

29. Metalloids have properties that are similar to both 
metals and nonmetals. How a metalloid behaves 

depends on the conditions. 

31. Na, Mg, Cl 

33. aluminum 

35. a. Ar: ls22s22p63s23p6 b. Si: ls22s22p&3s23p2 
c. Mg: ls22s22p63s2 

37. The first ionization energy is the energy needed to 

remove a first electron from an atom. The second 
ionization energy is the energy needed to remove a 
second electron. 

39. a. Sr, Mg, Be b. Cs, Ba, Bi c. Na, Al, S 

41. The ionic radius of a cation is smaller than the 
atomic radius of the metal atom. 

43. a. F b. N c. Mg d. As 

45. a. O b. F c. O d. S 

47. a. 1801-1850; 28 elements 
b. Mendeleev's periodic table helped scientists pre¬ 

dict the existence of undiscovered elements. 
c. 75% 

49. b. Nitrogen and phosphorus are in the same group 

(5A). 

51. Nonmetals; The trend is for ionization energy to 

increase from left to right across a period. 

53. a. H, Li, Na, K, Rb, Cs, Fr 

b. O, S, Se,Te,Po 
c. Zn, Cd, Hg, Uub 

55. c 

57. First ionization energy increases across a period. 

59. a. The atomic radius increases from top to bottom 
within the group. 

b. Cations are smaller than their corresponding 
atoms. The attraction between the nucleus and 

any remaining electron is greater. There is one 
fewer occupied energy level. 

61. a. As first ionization energy increases, so does elec¬ 
tronegativity. 

b. Both properties depend on the attraction 
between the nucleus and electrons. The attrac¬ 

tion between the nucleus and the electrons in 
the highest occupied energy level increases 

across a period because the nuclear charge 
increases, but the shielding effect is constant. 

63. a. Both electrons in Ca are removed from the same 
energy level. The second electron removed from 
a K atom is in a lower energy level. 

b. Because Cs has a larger atomic radius than Li, the 

nuclear charge in a Cs atom has a smaller effect 
on the electrons in the highest occupied energy 
level. 

c. It is relatively easy to remove all three electrons 

from an Al atom, but the third electron removed 
from a Mg atom is in a lower energy level. 

65. The ionic radii would decrease from S2“ to Sc3+. The 
number of electrons and the shielding effect do not 

change, but the number of protons increases from 

left to right in this series. So the ionic size decreases. 
The same is true for the series 02~ to Mg2+. 

67. a. 

Ionization number 
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b. The largest increase is between ionization num¬ 

bers 4 and 5 because carbon easily loses the first 

four electrons from the second energy level. The 
fifth electron is removed from the first energy level. 

69. Electron affinity should increase (become more 

negative) from left to right across a period because 

the nuclear charge increases and the shielding effect 
is constant. 

71. a. physical change b. chemical change 

c. physical change d. chemical change 

73. 4 

75. The density of the cube is 0.984 g/cm3. The cube will 
float on water. 

77. 5.2% 

79. The density of the olive is 1.05 g/cm3. The olive will 
sink in water. 

81. The density of sulfur does not vary with mass. 

The density is constant. 

83. 4.54 g/cm3 

85. a. silver, 62 neutrons 

b. tin, 50 protons 

c. molybdenum, 42 electrons 

d. scandium, 21 electrons 

Chapter 7 

1. a. sulfide ion, S2 b. aluminum ion, Al3+ 

2. a. 2 electrons lost b. 3 electrons gained 

c. 2 electrons lost 

12. a. KI b. A1203 

13. CaCl2 

31. a. gain of 1 electron b. loss of one electron 

c. gain of 3 electrons d. loss of 2 electrons 

e. loss of 1 electron f. gain of 1 electron 

33. electrons in the highest occupied energy level 

35. a. :C1' b. :S‘ c. -AT d. Li- 

37. a. Al3+ b. Li+ c. Ba2+ 

d. K+ e. Ca2+ f. Sr2+ 

39. a. S2 b. Na+ c. F" d. P3" 

41. a, c, and e 

43. The positive charges balance the negative charges, 

45. a. K+, Cl" b. Ba2+, SO,,2" 

c. Mg2+, Br d. Li+, C032" 

47. Ions are free to move in molten MgCl2 

49. body-centered cubic: Na, K, Fe, Cr, or W; 

face-centered cubic: Cu, Ag, Au, Al, or Pb; 

hexagonal close-packed: Mg, Zn, or Cd 

51. The properties of the steel will vary according to its 
composition. In addition to iron, steel can contain 

varying amounts of carbon and such metals as chro¬ 
mium, nickel, and molybdenum. 

53. a. C b. Be c. :()- 

d. :F- e. Na- f. P 

55. It has lost valence electrons. 

57. a. oxygen atom, sulfur atom, oxide ion, sulfide ion 

b. sodium ion, potassium ion, sodium atom, potas¬ 
sium atom 

59. a. lsi2sl2f>P3si3pe3cP b. ls22s22p63s23p63d4 
c. ls22s22p63s23p63d5 

61. a. Br b. H" c. As3" d. Se2" 

63. All are ls22s22p6. All have the same configuration as neon. 

65. a. ls22s22p63s23pR b. ls22s22p6 

Each has a noble gas electron configuration. 

67. a, c, e, f 

69. 12 

71. Brass is a mixture of copper and zinc. The properties 
of a particular sample of brass will vary with the rel¬ 

ative proportions of the two metals. 

73. By gaining or losing electrons, the atoms of ele¬ 

ments achieve a noble gas electron configuration. 

75. No. Sodium chloride is composed of equal numbers 
of sodium ions and chloride ions. The ions are in a 1:1 
ratio. Each sodium ion is surrounded by chloride ions 

and each chloride is surrounded by sodium ions. 

77. The spheres are more closely packed in a.; there is 

less empty space in a., and a rough count shows 25 
spheres in a. compared with 22 spheres in b.. 

79. Both metals and ionic compounds are composed of 
ions. Both are held together by electrostatic bonds. 

Metals always conduct electricity, and ionic com¬ 
pounds conduct only when melted or in water solu¬ 
tion. Ionic compounds are composed of cations and 

anions, but metals are composed of cations and 
free-floating valence electrons. Metals are ductile, 
but ionic compounds are brittle. 

81. Na+ and Cs+ differ greatly in size. Na+ and Cl" are 
similar in size to Mn2+ and S2". 

83. a. copper and zinc 

b. silver and copper 
c. copper and tin 
d. iron, chromium, nickel, and carbon 
e. iron, chromium, nickel, and molybdenum 
f. iron, chromium, and carbon 
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85. an analytical chemist 

87. a, b, and d are chemical changes; c is a physical 
change. 

89. a. liquid, vapor b. vapor 

c. liquid, vapor d. liquid, vapor 

91.a 

93. 27.0 cm3 

95. 14 amu 

97. a. 1 b. 3 c. 1 d. 5 

99. chlorine, Cl, 1 

101. a. K, ls22s22p63s23p64s1 
b. Al, 1 &2s12pfi3s13p1 

c. S, 1 
d. Ba, l.s22s22p63.s23p63d104s24p64d105.^5p66s2 

103. sodium (Na), cesium (Cs), rubidium (Rb), 

lithium (Li) 

Chapter 8 ! 
7. a. :C1:C1: b. Brdlr: c. -II 

8. a. H 0:0:H b. :Cl:P:CL 
Cl 

9. ;H O:’" 

10. 
: F : 

: F :B: F : 
: F : 

11. 

12. 

O: 
6 S O: 
' 6 

2- 
:0: 

0 C, . 
O' 

2- 

:o. 
H:0: C 

6: 

30. a. moderately polar covalent 
b. ionic 

c. moderately to very polar covalent 
d. moderately to very polar covalent 

e. ionic 
f. nonpolar covalent 

31. c and d (tied), b, a 

39. ionic 

41. Nitrogen and oxygen achieve stability as diatomic 
molecules; argon exists as individual atoms 

because it has a stable noble gas electron configu¬ 
ration. 

43. a. ionic b. ionic 
c. covalent d. covalent 

45. A double covalent bond has four shared electrons 
(two bonding pairs); a triple covalent bond has six 

shared electrons (three bonding pairs). 

47. One atom contributes both electrons to a coordi¬ 

nate covalent bond as in CO. 

49. 

51. 

53. 

55. 

57. 

59. 

61. 

63. 

65. 

67. 

69. 

71. 

73. 

75. 

77. 

|:():\::():] < > j:(j::.V(j:| 

Bond dissociation energy is defined as the energy 

needed to break one covalent bond. 

A pi bond is formed by the side-by-side overlap of 

two half-filled f p atomic orbitals to produce a pi 
molecular orbital. In a pi bond, the bonding elec¬ 
trons are most likely to be found in sausage-shaped 

regions above and below the bond. See Figure 8.15. 

The 2s and the 2p orbitals form two sp9- hybrid orbit¬ 

als on the carbon atom. One sp2 hybrid orbital forms 
a sigma bond with the carbon atom. Pi bonds 

between each oxygen atom and the carbon are 
formed by the unhybridized 2p orbitals. 

The electronegativities of the two atoms will differ 
by about 0.4 to 2.0. 

A hydrogen bond is formed by an electrostatic inter¬ 
action between a hydrogen atom covalently bonded 

to a very electronegative atom and an unshared 
electron pair of a nearby atom. 

More energy is required to separate the molecules. 

:C1:S:C1: 
:(): 

a. tetrahedral, 109.5° b. trigonal planar, 120° 
c. tetrahedral, 109.5° d. bent, 105° 

a. 109.5° b. 120° c. 180° 

a. Phosphorus in PBr5 has 10 valence electrons. 

C, O, H, S, N, F, Cl, I, Br: These elements are all 
nonmetals. 

a. two covalent bonds to hydrogen 

1 IChCl 1 
b. Fluorine and oxygen have only four electrons. 

:F :Q:H 

c. Halogens form one covalent bond, not three. 

ICl: 

d. Nitrogens should be forming only three covalent 
bonds, not four. 

HVNH 

a. bent b. tetrahedral c. pyramidal 

H 
ITCH 

H 

90V* 

0 O
 

x
 c

 109.5V^ 

H 
109.5° 

H yc H 

H 

H Ly 
109.5° V- 

H 

cf-H 
109.5° 

The first sketch is tetrahedral. The second sketch is a 
tetrahedron. The bond angles in the first sketch are 
not all the same, with some being 90°. The bond 

angles in the second sketch are all 109.5°. The second 

sketch is correct. (Note: The wedge-shaped lines come 
out of the page; the dotted lines recede into the page.) 
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:Q: 
79. H:C:():H 

81. H:N::N"N:^H:N:N;:.N: 

83. formation of a gas, a change in color or odor 

85. a. 2 b. 2 c. 3 d. 3 

87. Isotopes have the same number of protons and 
electrons, but different numbers of neutrons. 

89. a. 6 b. 2 c. 5 d. 0 

91. The d sublevel of the third principal energy level 

contains 5 electrons. 

93. The anion is larger than the corresponding neutral 
atom. 

95. a. K: l^pWp6^ 

b. Al: ls22s22/?63s23p1 

c. S: ls22s22p63s23p4 

d. Ba: ls22s22p63s23p63<i104s24p64d105s25p66.s2 

97. e. II and III only 

99. b. cesium 

101. a. ls22s22p6 b. ls22s22p6 
c. ls22s22p6 d. ls22s22p63s23p6 

Chapter 9 

1. a. selenide ion, anion 

b. barium ion, cation 

c. phosphide ion, anion 

2. a. three electrons lost 

b. two electrons gained 

c. one electron lost 

10. a. BaS b. Li20 c. Ca3N2 d. Cul2 

11. a. Nal b. SnCl, c. K2S d. Cal2 

12. a. (NH4)2SO: B b. Ca3(P04)2 

13. a. LiHS04 b. Cr(N02)3 

34. 2:1 

43. a. 2+ b. 2+ c. 3+ d. 1 + 

45. cyanide, CN~, and hydroxide, OH- 

47. zero 

49. Determine the charge of the anion, then work 
backwards to find the charge of the transition 

metal cation needed to give a net charge of zero for 

the formula unit. 

51. aandb 

53. NH4N03 ammonium nitrate; (NH4)2C03 ammonium 
carbonate; NH„CN ammonium cyanide; (NH4)3P04 

ammonium phosphate; Sn(N03)4 tin(IV) nitrate; 
Sn(C03)2tin(IV) carbonate; Sn(CN)4 tin(IV) cyanide; 

Sn3(P04)4 tin(IV) phosphate; Fe(N03)3 iron(III) 
nitrate; Fe2(C03)3 iron(III) carbonate; Fe(CN)3 

iron(III) cyanide; FeP04 iron(III) phosphate; 
Mg(N03)2 magnesium nitrate; MgC03 magnesium 
carbonate; Mg(CN)2 magnesium cyanide; Mg3(P04)2 

magnesium phosphate 

55. a. tri- b. mono- c. di- 
d. hexa- e. penta- f. tetra- 

57. a. BC13 b. dinitrogen pentoxide 

c. N2H4 d. carbon tetrachloride 

59. No, to be an acid the compound must produce H+ 
ions in water solution. 

61. a. Fe(OH)2 b. lead (II) hydroxide 
c. Cu(OH)2 d. cobalt(II) hydroxide 

63. Whenever two elements form more than one com- 

pound, the different masses of one element that 
combine with the same mass of the other element 

are in the ratio of small whole numbers. 

65. a. KMn04 b. Ca(HC03)2 c. C1207 

d. Si3N4 e. NaH2P04 f. PBr5 
g. CC14 

67. a. sodium chlorate 
b. mercury(I) bromide 

c. potassium chromate 

d. perchloric acid 
e. tin (IV) oxide 

f. iron (III) acetate 
g. potassium hydrogen sulfate 

h. calcium hydroxide 
i. barium sulfide 

69. a. magnesium permanganate 
b. beryllium nitrate 

c. potassium carbonate 
d. dinitrogen tetrahydride 

e. lithium hydroxide 
f. barium fluoride 

g. phosphorus triiodide 
h. zinc oxide 
i. phosphorous acid 

71. binary molecular compound 

73. SnCl4 

75. a. 9.85% 
b. nitrogen, oxygen, and chlorine; 54.9 kg 

c. 34.7% 
d. H2S04, N2, 02, NH3, CaO, H3P04, NaOFI, Cl2, 

Na2C03, HN03 

77. on the right hand side 

79. The statement is true for the representative metals, 
but not for the transition metals, which often have 

multiple charges. 

81. a. N20, dinitrogen monoxide 
b. N02, nitrogen dioxide 
c. NO, nitrogen monoxide 
d. N204, dinitrogen tetroxide 

83. a. The charges do not balance, CsCl. 
b. The charges do not balance, ZnO. 
c. Neon does not form compounds. 
d. The subscripts are not the lowest whole- 

number ratio, BaS. 
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87. Answers will vary but may include: color (physical), 
solid (physical), magnetic (physical), malleable 
(physical), conducts electricity (physical), burns 

(chemical). 

89. 5.2 cm 

91. 0.538 g/cm3 

93. Both are in the nucleus and have a mass of about 1 

amu. A proton is positively charged; a neutron has 

no charge. 

95. a. 1 b. 6 c. 5 
d. 2 e. 7 f. 8 

97. a. cesium, potassium, sodium, lithium 
b. lithium, boron, carbon, fluorine, neon 

99. When metallic elements of Group 1A and 2A form 
ions, they lose all their outer shell electrons. This 

increases the attraction by the nucleus for the 
fewer remaining elections and results in ions that 
are smaller than the corresponding atoms. The 

electron that a Group 7A element gains in forming 
an ion enters the outer shell resulting in a decrease 

in the effective nuclear attraction of the increased 
number of electrons. The anion is larger than the 

corresponding atom. 

101. a. 12 protons and 10 electrons 
b. 35 protons and 36 electrons 

c. 38 protons and 36 electrons 
d. 16 protons and 18 electrons 

103. b, d, and f 

105. A hydrogen bond is an intermolecular force 

between a hydrogen atom covalently bonded to a 
very electronegative atom and an unshared pair of 

electrons from another electronegative atom. 

Chapter 10 

1. 5.0 kg 

2. 672 seeds 

3. 4.65 mol Si 

4. 0.360 mol 

5. 2.75 X 1024 atoms 

6. 7.72 mol N02 

7. 137.5 g/mol 

8. 84.0 g NaHC03 

16. 1-27 g C20H42 

17. 225 g Fe(OH)2 

18. 3.43 X 10 * 1 2 3 4 5 6 7 8 mol B 

19. 0.987 mol N203 

20. a. 7.17 X 10“2 L C02 

21. a. 28.0 L He 

22. 80.2 g/mol 

23. 3.74 g/L 

32. 72.2% Mg, 27.8% N 

33. 93.0% Hg, 7.0% O 

34. a. 80.0% C, 20.0% H 
b. 19.2% Na, 0.83% H, 26.7% S, 53.3% O 

35. a. 82.4% N b. 35.0% N 

36. a. OH b. HgS04 

37. C3H8N 

38. C2H602 

39. a. same empirical formula 

b. different 

47. number, mass, or volume; examples will vary. 

49. a. 3 b. 2 c. 9 d. 10 

51. 1.00 mol C2H6 

53. a. 98.0 g b. 76.0 g c. 100.1 g 
d. 132.1 g e. 89.0 g f. 159.8 g 

55. Answers will vary but should include: 

1. Determine the moles of each atom from the 
formula. 

2. Look up the molar mass of each element. 

3. Multiply the number of moles of each atom by its 
molar mass. 

4. Sum these products. 

57. Answers will vary. For example; if a particle is a 
0.1-mm cube, how high would a stack of Avogadro’s 

number of particles be? (6.02 X 1016 km) 

59. a. 108 g C5H12 b. 547 gF2 c. 71.8gCa(CN)2 

d. 238 g H202 e. 224gNaOH f. 1.88 gNi 

61. a. 1.96 g/L b. 0.902 g/L c. 2.05 g/L 

63. a. 5.9% H, 94.1% S 

b. 22.6% N, 6.5% H, 19.4% C, 51.6% O 
c. 41.7% Mg, 54.9% O, 3.4% H 

d. 42.1% Na, 18.9% P, 39.0% O 

65. d. 77.7% Fe in FeO 

67. a. molecular b. molecular c. empirical 

69. a. H202 b. C6H604 

71. a. A, C2H402; D, C5H10O5;E, C6H1206 
b. slope = 2.5/1 which is the ratio of the molar mass 

of the empirical formula to the mass of carbon in 
the empirical formula: 30/12 = 2.5/1. 

c. mass of carbon = 36, molar mass = 90; mass of 
carbon = 48, molar mass = 120 

73. b. 0.842 mol C2H4 

75. a. CO b. C202NH5 c. CLOC 

77. 3.01 X 1013 km 

79. C3H603 

81. 2.73 x 1020 F atoms 

83. C2H60 

85. Sulfur atoms have 16 protons, 16 electrons, and 16 

neutrons; carbon has 6 electrons, and 6 neutrons. 
Therefore, 6.02 X 1023 sulfur atoms will have a greater 

mass than the same number of carbon atoms. 

b. 82.9 LN2 

b. 7.50 L C2H6 
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87. a. C9Hn02N b. C9Hu02N 

Density (g/L) 

b. 22.4L/mol 

c. 24.6 g/mol 

d. 2.5 g/L 

93. 6.025 X 1023 formula units/mol 

95. a. physical change b. chemical change 

c. chemical change d. physical change 

e. chemical change f. physical change 

97. No; the student has ignored the units. The density 

of sugar is 1.59 g/mL; the density of carbon dioxide 
is much less, 1.83 g/L (or .00183 g/mL) 

99. a. 4.72 X 103 mg b. 97 km/h c. 4.4 X 1CT2 dm 

101. a. 1 s22522p5 b. ls22s1 c. [Kr^s1 

103. Cr, Cd, Cu, and Co 

105. A molecule is composed of two or more atoms. 

107. For single bond a single line connects the atoms 

(X—X). Atoms are connected by two lines in a double 
bond (X=X), and three lines in a triple bond (X=X). 

109. Calculate the electronegativity difference between 

two atoms. If the difference is small (0.0-0.4), the 
bond is nonpolar covalent. If the difference > 2.0, 

the bond is most likely ionic. For values between 

0.4 and 2.0, the bond is polar covalent. 

111. a. iron(III) hydroxide b. ammonium iodide 
c. sodium carbonate d. carbon tetrachloride 

112. a. KN03 b. CuO c. Mg3N2 d. AgF 

Chapter 11 

1. When solid sodium is dropped into water, hydro¬ 

gen gas and aqueous sodium hydroxide are 

produced. 

2. S(s) + O2(g)-» S02(g) 

3. a. 2AgN03 + H2S->Ag2S + 2HN03 
b. 3Zn(OH)2 + 2H3P04->Zn3(P04)2 + 6H20 

4. a. H2 + S->H2S 
b. 2FeCl3 + 3Ca(OH)2-» 2Fe(OH)3 + 3CaCl2 

5. a. FeCl3 + 3NaOH-» Fe(OH)3 + 3NaCl 

b. CS2 + 3C12-> CC14 + S2C12 

6. Ca(OH)2 + H2S04->CaS04 + 2H20 

13. 2Be + 02-> 2BeO 

14. 3Mg + N2-> Mg3N2 

15. 2HI->H2 + 12 

16. HBr 

17. a. Fe(s) + Pb(N03)2(aq)->Fe(N03)2(aq) + Pb(s) 
b. C\2{aq) + 2NaI(aq)-> 2NaCl(£?^) + \2(aq) 

c. Ca(s) + 2H20(/)-> Ca(OH)2(aq) + H2(g) 

18. a. 3NaOH(a<?) + Fe(N03)3(ar?)-> 

Fe(OH)3(s) + 3NaN03(a<7) 
b. 3Ba(N03)2(a<?) + 2H3PO4(ar/0-> 

Ba3(P04)2(s) + 6HN03(a<7) 

19. a. 3KOH(ag) + H3P04(ar/)-> 

K3PO A(aq) + 3H20(Z) 
b. 3H2S04(a<7) + 2Al(OH)3(a^) -> 

Al2(S04)3(ag) + 6H20(Z) 

20. a. 2HCOOH + 02->2C02 + 2H,0 

b. C7H16 + 1102-> 7C02 + 8H20 

21. C6HI206 + 602-> 6C02 + 6FI20 

28. H + (aq) + OH (aq)->H20(l) 

29. complete ionic equation: 
3Ca2+(aq) + 60H [aq) + 6H+ (aq) + 2P043~ (aq) 

—>Ca3(P04)2(s) + 6H20(/); 
net ionic equation: same as complete ionic equation 

37. Dalton said that the atoms of reactants are 

rearranged to form new substances as products. 

39. a. Gaseous ammonia and oxygen react in the pres¬ 

ence of a platinum catalyst to produce nitrogen 
monoxide gas and water vapor. 

b. Aqueous solutions of sulfuric acid and barium 
chloride are mixed to produce a precipitate of 

barium sulfate and aqueous hydrochloric acid. 
c. The gas dinitrogen trioxide reacts with water to 

produce an aqueous solution of nitrous acid. 

41. a. C + 2F + 2G ^ CF2G2 
b. F + 3W + S + 2P->FW3SP2 

43. a. 2Pb02-> 2 PbO + Oz 
b. 2Fe(OH)3-» Fe203 + 3HzO 
c. (NH4)2C03-» 2NH3 + H20 + C02 

d. 2NaCl + H2S04-> Na2S04 + 2HC1 

45. a. 2Mg + 02-^2MgO 
b. 4P + 502-> 2P205 

c. Ca + S-> CaS 

47. a. 2Ag20 —4Ag + 02 
b. NH4N03 —^ N20 + 2HzO 

49. a. H2C204(fl£/) + 2K.0W(aq) -> 
K2C20 A{aq) + 2H20(Z) 

b. CdBr2(aq) + NazS{aq) ->CdS(s) + 2NaBr(aq') 

51. a. C4H(! + 602-> 4C02 + 4H20 
b. C3H(iO + 4b2-> 3C02 + 3H20 

53. an ion that does not participate in the reaction 

55. a. 2Al(s) + 6U+(aq)-^2Al3+(fl^) + 3H2(g) 

b. H+{aq) + OH"^)-^HzO(Z) 
c. no reaction 

Selected Answers R91 



57. a. Cl2(g) + 2KI{aq)->12{aq) + 2KC1 (aq) 
b. 2Fe(s) + 6HC1 [aq]->-2FeCl3(aq) + 3H2(g) 

c. P4O10(s) + 6H20(/)->4H3P04(ag) 

59. a. Na20(s) + H20(Z)-> 2NaOFI[aq) 
b. H2(g) + Br,(g) —>2HBr(g) 

c. C1207(/) + H20(/)-> 2HC104(aq) 

61. a. tube A 

b. 2Na(s) + 2H20(/)->2NaOH(a^) + H2(g); 
single-replacement 

63. a. 2A1203 —^ 4A1 + 302 
b. Sn(OH)4 —A_» Sn02 + 2H20 

c. Ag2C03 —Ag20 + C02 

65. a. CdS(s) 

b. Na+(aq) and N03“(aq) 
c. Cd2+(aq) + S1 2~{aq)->CdS(s) 

67. a. 2K(s) + 2H20(Z)->2K0H(aq) + H2(g) 

b. C2H5OH(Z) + 302(g)-> 2C02(g) + 3H20(g) 

c. 2Bi(N03)3(aq') + 3H2S(g)-> 
Bi2S3(s) + 6HN03(a<7) 

d. 2Al(s) + 3Br2(Z)-* 2AlBr3(s) 
e. 2HN03(a<7) + Ba(OH)2(a^7)-> 

Ba(N03)2(aq) + 2H20(Z) 

69. a. C5H12 + 802-> 5C02 + 6H20; 

CgH2o 1402-^ 9C02 + 10H2O 
b. 2C12H26 + 3702-> 24C02 + 26H20; 

C17H36 + 2602-17C02 + 18H20 

c. n = C02; (n + 1) = H20 

71. a. (1) combination (2) single-replacement 

(3) combustion (4) double-replacement 
b. (1) 2Al(s) + 3Br2(Z)->2AlBr3(s); 

(2) Cu(s) + 2AgN03(a<7)-> 

Cu(N03)2(ag) + 2Ag(s); 
(3) C3H8(g) + 502(g)->3C02(g) + 4H20(g); 

(4) Pb(N03)2(aqO + 2K3(ag)-> 
Pbl2(s) + 2KN03(ag) 

73. a. water b. water vapor in the air 
c. physical change 

75. 36.6 kg 

77. a. 1 522s22p63s23p64s23d]°4p6 

b. ls22s22p63s23p6 
c. ls22s22p63s23p63cZ10 

d. \s22&2p&3s23p63d10 

79. a. incorrect; KBr b. correct 
c. incorrect; Ca3N2 d. correct 

81. a. 2.41 mol b. 6.91 X 10-2 mol 
c. 0.934 mol d. 7.09 mol 

83. C8H10O2N4 

Chapter 12 

1. 288 seats, 864 wheels, 576 pedals 

2. Answers will vary but should include the correct 

number of parts to make the product. 

3. 2 molecules H2 + 1 molecule 02-> 
2 molecules H20; 

2 mol H2 + 1 mol 02-> 2 mol H20; 
44.8 L H2 + 22.4 L 02-> 44.8 L H20 

4. 2 mol C2H2 + 5 mol 02-> 4 mol C02 + 2 mol H20; 
44.8 L C2H2 + 112 L 02-> 89.6 L C02 + 44.8 L H20; 

212 g reactants-> 212 g products 

*, 4 mol A1 3 mol 02 4 mol A1 
3 mol 02’4 mol A1 ’ 2 mol A1203’ 
2 mol A1203 2 mol A1203 3 mol 02 

4 mol A1 ’ 3 mol 02 ’ 2 mol A1203 

b. 7.4 mol 

12. a. 11.1 mol b. 0.52 mol 

13. 2.03 g C2H2 

14. 1.36 mol CaC2 

15. 4.82 X 1022 molecules 02 

16. 11.5 gN02 

17. 1.93 L02 

18. 0.28 LPH3 

19. 18.6 mL S02 

20. 1.9 dL C02 

25. 02 is the limiting reagent. 

26. HC1 is the limiting reagent. 

27. a. 5.40 mol H20 is required, so C2H4 is the limiting 

reagent; 

b. 5.40 mol H20 

28. 43.2 gH20 

29. 59.3 g Fe 

30. 17.0 gAg 

31. 83.5% 

32. 57.7% 

37. a. 2 mol KC103 decompose to form 2 mol KC1 and 

3 mol 02. 
b. 4 mol NH3 react with 6 mol NO to form 5 mol N2 

and 6 mol H20. 
c. 4 mol K react with 1 mol 02 to form 2 mol K20. 

39. Answers will vary but should include the idea 

of writing a ratio using the coefficients of two 
substances from a balanced equation as the 

number of moles of each substance reacting or 
being formed. 

41. a. 11.3 mol CO, 22.5 mol H2 
b. 112 gCO, 16.0 gPI2 
c. 11.4 gH2 

43. The coefficients indicate the relative number of 

moles (or particles) of reactants and products. 

45. The amount of the limiting reagent determines the 
maximum amount of product that can be formed. 

The excess reagent is only partially consumed in the 
reaction. 
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47. a. A1 b. 3.0 mol A1C13 c. 0.8 mol Cl2 

49. a. 2.36 g H3P04 b. 1.89 gC02 

51. a. 7.0 X 102 L N2 b. no reagent in excess 

53. 10.7 kg CaS04 

55. a. Initially, the amount of NaCl formed increases as 
the amount of Na used increases. For this part of 
the curve sodium is the limiting reagent. Beyond 

a mass of about 2.5g of Na, the amount of prod¬ 

uct formed remains constant because chlorine is 
now the limiting reagent. 

b. Chlorine becomes the limiting reagent when the 

mass of sodium exceeds 2.5 g. This corresponds 

to a mass of about 3.9 g chlorine. 

57. The percent yield is 115%; such a yield could be 

attributed to experimenter error, or to unreacted 

starting material, or to outside materials contami¬ 
nating the product. 

59. a. 29 frames b. 58 wheels 

c. 174 pedals d. 87 seats 

61. 13 days 

63. 87.4% CaC03 

65. a. 347 gFe 

67. a. 22 e“, 22 p+, 25 n° 

c. 8 e", 8 p+, 10 n° 

b. 239 g CO 

b. 50 e“, 50 p+, 70 n° 

d. 12 e", 12 p+, 14 n° 

69. a. sodium. b. arsenic c. cesium 

71. c and d 

73. Yes, an ionic compound with at least one poly¬ 
atomic ion has covalent bonds. 

75. a. phosphate ion b. aluminum ion 

c. selenide ion d. ammonium ion 

77. a. A12(C03)3 b. N02 c. K2S 
d. MnCr04 e. NaBr 

79. 7.38 g Be 

81. a. 0.473 mol KNOs b. 9.91 X 10-2molSO2 

c. 3.74 X 10-2 mol PC13 

83. a. Ba(N03)2(aq) + Na2S04(aq)-> 
BaS04(s) + 2NaN03(aq) 

b. A1C13{aq) + 3AgNO3{aq)-> 
3AgCl(s) + Al(N03)3(a£jO 

c. FI2SO4(aq) + Mg(OH)2(aq)-> 
MgSO 4(aq) + 2H20(/) 

85. a. sodium ion and nitrate ion 
b. aluminum ion and nitrate ion 

c. magnesium ion and sulfate ion 

Chapter 13 

1. 51.3 kPa, 0.507 atm 

2. 33.7 kPa is greater than 0.25 atm 

27. a, b, c, e, and f 

29. 16.35 atm 

31. The Kelvin temperature is directly proportional to 
the average kinetic energy. 

33. STP stands for standard temperature (0°C) and stan¬ 
dard pressure (101.3 kPa or 1 atm). 

35. The average kinetic energy triples. 

37. In both cases, particles with sufficient kinetic energy 

move from the liquid to the vapor phase. In a closed 

container, a dynamic equilibrium is set up between 
the contained liquid and its vapor. 

39. More molecules have enough energy to escape the 
attractions within the liquid. 

41. The average kinetic energy increases, which allows 
more vapor to form above the liquid, which 
increases the vapor pressure. 

43. a. about 50 mm Hg 

b. about94°C 

c. 760 mm Hg is standard pressure 

45. Ionic compounds generally have higher melting 
points than do molecular solids. 

47. The intermolecular attractions between molecules 
are weaker than the attractions between ions. 

49. The temperature remains constant while the liquid 
boils because the energy that is added is used to 
vaporize the molecules. 

51. a. 121°C b. chloroform c. chloroform 
d. The external pressure on ethanol would have to 

increase; the external pressure on ethanoic acid 
would have to decrease. 

53. Although some molecules are evaporating and an 

equal number of particles are condensing, the net 
amounts of vapor and liquid remain constant. 

55. decrease; as the attractions become stronger, it is 

more difficult for molecules to overcome the attrac¬ 
tions and vaporize. 

57. about77°C 

59. As the temperature drops to -196°C, the average 

kinetic energy of particles in the air decreases drasti¬ 
cally, as does the pressure. So the volume of the bal¬ 

loon, which is a flexible container, decreases. As the 
balloon warms back to room temperature, the aver¬ 

age kinetic energy of the particles increases and the 
balloon expands to its previous volume. 

61. Possible answer: Since the beaker is an open con¬ 

tainer, the water should boil at 100°C at or close to 
sea level. Your partner probably misread the ther¬ 

mometer and should recheck the value. 

63. The average kinetic energy is the same because the 

temperature is the same. 

65. Because the perspiration absorbs heat as it evapo¬ 
rates, the remaining perspiration and the skin are 

cooled. 

67. The vapor pressure depends only on the kinetic 

energy of the escaping molecules, which depends 
on the temperature. 
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69. 

71. 

73. 

75. 

77. 

79. 

81. 

83. 

85. 

87. 

89. 

91. 

93. 

95. 

€ 
7. 

8. 
9. 

10. 
11. 
12. 
13. 
14. 
23. 

24. 

31. 

32. 

39. 

41. 

43. 

45. 

47. 

49. 

51. 

53. 

The kinetic energy of the molecules in the vapor is the 

same in both cases; so the vapor pressure is the same, 

condensation of water vapor on a cold surface 

a. orthorhombic b. rhombohedral 
c. tetragonal d. triclinic 

e. cubic 

no; if (a) = (b) then water vapor will condense at the 

same rate as the liquid evaporates. 

inversely 

a. ls22s22p6 73s23pb b. ls22s22p63s23p6 

c. Is2 

a, c, b 

a. CO b. PBr3 

a. 53.7% Fe b. 34.6% A1 

a. 51.2 g C1207 b. 30.6 mL H,0 

H2S(a<7) + Cd(N03) )2{aq) —> 2HN03 (aq) + CdS(s) 

a. Mg b. Li 

a. 198gH,0 b. 23 mol c. 144 gC 

39.4 gFeS (0.448 mol) 

Chapter 14 

6.48 L 

68.3 kPa 

3.39 L 

8.36 L 

2.58 kPa 

341 K (68°C) 

0.342 L 

1.29 X 102 kPa 

2.51 X 102 mol He(g) 

2.5 g air 

93.4 X kPa 

3.3 kPa 

The space between the particles is reduced. 

The volume decreases. The molecules have less 
kinetic energy and cause less pressure on the inside 
of the balloon. 

The pressure quadruples. 

VJTX = V2IT2 

V1 and V2 are the initial and final volumes; Tl and T2 
are the initial and final temperatures. 

1.80 L 

846 K (573°C) 

1.10 X 103 kPa 

Its particles have no volume, there are no attractions 

between them, and collisions are elastic. An ideal 

gas follows the gas laws at all temperatures and 
pressures. 

55. 33.0 L 

57. 3.60 X 102 kPa 

59. The total pressure of a gaseous mixture is equal to 

the sum of the individual pressures of each gas. 

61. Molecular oxygen 

63. 3.08:1 

65. Boiling the water fills the can with steam. When the 

can is plunged upside down into ice water, the 

steam is trapped and rapidly condenses, reducing 
gas pressure inside the can. The walls of the can are 
not strong enough to resist the comparatively high 

atmospheric pressure, which crushes the can. 

67. High temperatures increase the pressure of the 
contents of the container and may cause it to 

explode. 

69. Temperatures measured on the Kelvin scale are 
directly proportional to the average kinetic energy 

of the particles. Celsius temperatures are not. 

71. The variables are directly proportional. 

73. The particles in a real gas have a finite volume and 
are attracted to one another. 

75. Helium atoms have a smaller molar mass than oxy¬ 

gen and nitrogen molecules and effuse faster 
through pores in the balloon. 

77. 2.0 X 102g 

79. A vacuum contains no matter to allow the transfer 
of kinetic energy between molecules. 

81. Helium gas is composed of small atoms with little 
attraction for each other. 

83. a. 1.63 X 10zkPa b. 4.48 X 102kPa 

85. 2 mol KN03 for each 1 mol 02 

87. a. 2.0 X 10~3% b. 2.0% 

89. K = °C + 273 

91. 82 protons, 82 electrons, 124 neutrons 

93. a, tungsten 

95. b, S02 

97. 206 g 

99. It is the volume occupied by 1 mol of a gas at STR 

101. a. single-replacement b. decomposition 

103. 60.0% C, 13.3% H, 26.7% O 

105. The motion of particles in a gas is constant, 
random, and rapid. 

Chapter 15 

6. 36.1% H20 

7. 49.3% H20 

23. Surface molecules are attracted to the liquid mole¬ 
cules below but not to the air. Molecules inside the 

liquid are attracted in all directions. 
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25. A surfactant is a wetting agent such as a soap or 

detergent. A surfactant interferes with hydrogen 

bonding between water molecules and reduces sur¬ 
face tension. 

27. The water has low vapor pressure. 

29. Bodies of water would freeze from the bottom up. 

This would kill many forms of aquatic life. Also, ice 
floats. 

31. Solutions are homogeneous mixtures in which a 

solute is dissolved in a solvent. Aqueous solutions 
are solutions that have water as the solvent. 

33. The polar water molecules attract ions and polar 

covalent molecules. Nonpolar compounds are 

unaffected because they have no charges. 

35. Solvent molecules surround positively charged and 
negatively charged ions. 

37. Water is polar and gasoline is nonpolar. 

39. Its ions are free to move toward an electrode. 

41. water in the crystal structure of a substance 

43. a. tin(IV) chloride pentahydrate 

b. iron(II) sulfate heptahydrate 
c. barium bromide tetrahydrate 

d. iron (III) phosphate tetrahydrate 

45. Hygroscopic substances absorb water vapor from 

the air and create a dry environment in a sealed 

container. 

47. Efflorescence is the loss of water of hydration that 
occurs when the hydrate has a higher vapor pres¬ 

sure than that of the water vapor in air. 

49. solutions, colloids, suspensions 

51. The molecules or ions are too small to have reflec¬ 

tive surfaces. 

53. Brownian motion and repulsion between like- 

charged ions adsorbed on colloidal particles’ 

surfaces 

55. the addition of an emulsifier 

57. Water molecules at 4°C are tightly packed and have 

maximum density. Below 4°C the water molecules 
arrange in a regular network because of the attrac¬ 

tions between them. As a result, ice has a lower den¬ 

sity than water and floats on water. 

59. a. Water expands when it freezes to ice. 

b. Water is polar and wax is nonpolar, and water has 

a higher surface tension. 
c. A network of hydrogen bonding between water 

molecules lowers the vapor pressure. Two etha¬ 
nol molecules can hydrogen bond, but a network 

is not formed. 

61. a. gasoline b. water 

c. gasoline d. water 

63. a. No, both form clear, colorless solutions. 
b. dry to examine the crystals, test for electrical 

conductivity, do a flame test 

65. No, nonpolar molecules do not dissolve in polar 
molecules. 

67. a. sodium carbonate monohydrate, 14.5% H20 
b. magnesium sulfate heptahydrate, 51.2% H20 

69. CaCl2->2H20 

71. Liquid water contains some hydrogen-bonded 

structures similar to ice, in which the water mole¬ 

cules are spaced fairly wide apart. These structures 
are disrupted when ethyl alcohol is added because 
the alcohol competes for hydrogen bonds with 

water molecules and the water structure collapses. 

Thus, mixtures of water and ethyl alcohol have less 

volume than the sum of the volumes of the compo¬ 
nents. Mixing two liquids could result in a volume 

greater than the sum of the volumes of the compo¬ 
nents if the structural ordering in the mixture is 

greater than in the separated components. 

73. Most of the important chemical reactions of life take 
place in aqueous solutions inside cells. 

75. Particles in the atmosphere that are approximately 

the same size as the wavelengths of visible light 
cause light from the sun to scatter and split into 

individual components. Oxygen and nitrogen in the 
atmosphere scatter violet and blue light due to their 

small size. Thus the sky appears blue at midday, 
when the sun is closest to Earth. At sunrise and sun¬ 

set, the sun is at its greatest distance from Earth. It 
shines through a layer of atmospheric aerosols con¬ 

sisting of small particles of dust and other pollutant 
particles mixed with air. The sunlight is reflected 

and absorbed by these particles. The shorter wave¬ 

lengths (blue and violet) are scattered away from the 
path of the sun, but the longer wavelengths (yellow 
and red) pass through and are the most visible. 

77. A surfactant helps to wet the burning material, so 

less water is needed to put out the fire. Thus less 
water carries pollutants into the environment. 

79. Water enters cracks in pavement and expands when 

it freezes, creating larger cracks. Continuous freeze- 
thaw cycles cause pavement to break up and form 

potholes. 

81. a. pink b. pink c. blue 
d. 45.4% e. water or water vapor 

83. a. 5 b. 2 c. 2 d. 4 

85. II • H:() II -> IIOTI 
IT 

87. a. 6C02 + 6H20-* C6H1206 + 602 

b. 2Na + 2H20-> 2Na+ + 20H“ + H2 

89. 3.60 X 10“2 g H20, 2.24 X 10"2 L 02 

91. 636 g C2H40 

93. a. hydrogen b. 0.048 g H20 
c. oxygen d. 0.010 L 

95. 1.27 atm 
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Chapter 16 

1. 4.4 X 10"1 g/L 

2. 2.6 atm 

8. 1.0 X 10“‘M 

9. 2.8M 

10. 1.42 X 10"1 mol NH4N03 

11. 5.0 X 10"1 mol CaCl2; 5.6 X 101 gCaCl2 

12. 47.5 mL 

13. Use a pipet to transfer 5.0 X 101 mL of the 1.0M solu¬ 

tion to a 250-ml volumetric flask. Then add distilled 

water up to the mark. 

14. 5.0% v/v 

15. 1.2 X 101 mL 

29. 1.26 X 101 gNaF 

30. 2.85 X lO-'mNaCl 

-^c,h5oh = 0.190; XH0 = 0.810 

32. X^ = 0.437; X^,,., = 0.563 

33. 2.06°C 

34. 44.1°C 

35. 101.37°C 

36. 115 g NaCl 

43. Random collisions of the solvent molecules with the 

solute particles provide enough force to overcome 
gravity. 

45. Particles of solute crystallize. 

47. 5.6 X 102 g AgN03 

49. a. 1.6 X 10"2 g/L b. 4.7 X 10"2 g/L 

51. Molarity is the number of moles of solute dissolved 
in one liter of solution. 

a. 1.3MKC1 b. 3.3 X lO^ALMgCL, 

53. a. 5.0 X 10"1 mol NaCl, 29 g NaCl 

b. 1.0 mol KN03,1.0 X 102 g KN03 
c. 2.5 X 10"2 mol CaCl2, 2.8 g CaCl2 

55. a. 16% (v/v) ethanol 

b. 63.6% (v/v) isopropyl alcohol 

57. a. seawater b. 1.5MKNOs c. 0.100MMgCl2 

59. When vapor pressure is lowered relative to pure sol¬ 

vent, more energy must be supplied to reach the 
boiling point; therefore the boiling point is 

increased relative to pure solvent. 

61. lMsolution: 1 mol of solute in 1 L of solution; 1 m 
solution: 1 mol of solute in 1 kg of solvent 

63. a. 100.26°C b. 101.54°C 

65. a. -1.1°C b. —0.74°C c. -1.5°C 

67. A 7} = -9.60°C;ATh = +4.74°C 

69. The mole fraction of NaHC03 is 0.020, and of water 
is 0.98. The solution is 1.1 m. 

71. Add one crystal of KN03. If the solution is supersat¬ 
urated, crystallization will occur. If saturated, the 

crystal will not dissolve. If unsaturated, the crystal 
will dissolve. 

73. a. about 1.14 b. about-7.2°C c. about-9.5°C 

Xc,h5oh = 0-20; XH2q = 0.80 

77. a. 44.2 g KC1 b. 5.8gKCl 

79. unsaturated 

81. a. 7.5 g H202 b. 8.8 x HT'M 

81. 85.5 g/mol 

85. CaCl2 produces three particles upon dissolving; NaCl 

produces two. Freezing point depression depends on 

the number of solute particle in the solvent. 

87. 6.00 g Ca(N03)2 in 30 g of water 

89. 1.10 X 102 mL HN03 

91. 9.0 X 10"zMNa2SO4 

93. a. 1.98 X 102 g H20 

b. 1.98 X 105 mgH2O 
c. 1.98 X 10"1 kg H20 

95. Rutherford’s model contains a nucleus. 

97. Calcium permanganate is Ca(Mn04)2. Four formula 
units contain 4 Ca atoms, 8 Mn atoms, and 32 O atoms. 

99. a. 55.8 g Fe, 63.5 g Cu, 201 g Hg, 32.1 g S 
b. Each sample contains 6.02 X 1023 atoms. 

c. 4.48 X 10"1 mol Fe, 3.93 X 10"1 mol Cu, 

1.25 X 10"1 mol Hg, 7.80 X 10"1 mol S 

101. a. combination b. decomposition 

c. single-replacement d. combustion 

e. single-replacement f. double-replacement 

103. a. NH4Cl(s)-> NH4+(<zq) + Cl-{aq) 

b. Cu(N03)2(s)->Cu2+ {aq) + 2N03"(a<7) 

c. HN03(£?p')->H+{aq) + NO3~(aq) 
d. HC2H302(/)->H+(aq) + C2H302"(^) 

e. Na2S04(s)->2Na+{aq) + SO42~{aq) 

f. HgCl2(s)-> Hg2+(aq) + 2CI-[aq) 

105. a. I b. Te c. Sb d. Sr 

107. The particles of an ideal gas have neither volume nor 

inter-particle interactions. Real gases have both. 

109. Hydrogen chloride produces hydronium ions 
(H30+) and chloride ions (Cl ) that are stabilized by 

solvent shells of water in aqueous solution. Nonpo¬ 
lar solvents such as benzene have virtually no 
interaction with HC1. 

Chapter 17 

1. Heat flows from the system (paraffin) to the sur¬ 

roundings (air). The process is exothermic. 

2. Since the beaker becomes cold, heat is absorbed by 

the system (chemicals within the beaker) from the 
surroundings (beaker and surrounding air). The 

process is endothermic. 
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3. 2.0 J/(g »°C) 

4. 1.8 kj 

12. 1.46 kj 

13. 146 J 

14. 6.63 kj 

15. 89.4 kj 

21. 3.34 kj 

22. 1.20 gice 

23. 1.44 X 102 kj 

24. 1.9 X 10 1 kj 

25. -3.01 X 102 kj 

26. 3.42 mol NH4N03(s) 

32. a. -3.091 X 101 kj b. 1.784 X 102kJ 

c. -1.130 X 102 kj 

33. CO is a compound and not an element in its stan¬ 
dard state. 

39. Heat flows from the object at the higher tempera¬ 
ture to the object at the lower temperature. 

41. the chemical composition of the substance and its 
mass 

43. a. 8.50 X 10”1 Calorie b. 1.86 X 103J 

c. 1.8 X 103 J d. 1.1 X 102 cal 

45. A negative sign is given to heat flow from the system 

to the surroundings. A positive sign is given to heat 

flow to the system from the surroundings. 

47. a. exothermic b. endothermic 

c. exothermic d. endothermic 

49. A calorimeter is an instrument used to measure heat 

changes in physical or chemical processes. 

51. bomb calorimeter 

53. amount of heat released or absorbed in a chemical 

change at constant pressure 

55. a. -2.10 X 10* kj b. -1.8X101 kj 
c. -5.56 X 102 kj d. 6.5 kj 

57. Hess’s law allows the calculation of the enthalpy 

change for a reaction from the known enthalpy 

Changes for two or more other reactions. 

59. 3.02 X 10* kj 

61. The statement is true, since stability implies lower 
energy. The greater the release of heat, the more sta¬ 

ble is the compound relative to its elements (all of 

which have AHf° = 0). 

63. 4.00 X 10* g water; 9.60 X 102 g ice 

65. 2.44 X 104 cal; 1.02 X 105 J 

67. a. -8.902 X 102kJ b. -5.660 X 102 kj 

69. a. -2.21 X 102kJ b. -1.96 X 102 kj 

c. -9.046 X 102 kj 

71. 2.36 X 10* kj 

73. 2.38 X 102 kj 

75. 6.71 X 10* kj 

77. a. 1.5 X 102 kj 

b. The refrigerator absorbs 1.5 X 102 kj of heat. 

c. assumes the mineral water has the same specific 

heat as chemically pure water, that no heat is 

lost by the refrigerator, and the volume of the 
water is exactly 2 L 

79. When a solid reaches its melting point, addi¬ 

tional heat must be absorbed to convert it to a 
liquid. Therefore, fusion of a solid is endo¬ 

thermic. This heat of fusion is released when 

a liquid freezes, so freezing is exothermic. 

81. -1207 kj 

83. a. 3.24 X 10* kcal; 1.36 X 102 kj 
b. 8.13 kg 

85. 9.6 g 

87. The manipulated variable is the variable you 

change during an experiment. The responding 
variable is the variable you observe during an 
experiment. 

89. a. 6.99 

91. 32.2 m 

b. 10.68 c. 3.6 X 102 d. 4.44 

93. a. 2 b. 2 c. 3 d. 1 

95. a. K3N b. Al2S3 c. Ca(N03)2 d. CaS04 

97. Ag+{aq) + Cl [aq) > AgCl(s) 

99. 1.18 X 10* g02 

101. 11.1 L 

103. solutions; suspensions 

Chapter 18 

6. a. reactants favored b. reactants favored 
c. products favored d. products favored 

7. Keq = 12 

8. Keq = 8.3 X 10 2; one is the inverse of the other. 

9. Keq = 1.6 X 10 3 

10. *:eq = 0.79 

17. 2 X 10~14M 

18. 6.7 X 10~5M 

19. 2 X 10 “17M 

20. 3.2 X 10-6M 

36. Rate = fc[A]; rate is moles per liter per second. [A] is 

moles per liter, k = rate/[A], k = 1/s = s_1 

37. 0.25 mol/L s; 0.125 mol/L s 

43. Chemical reactions require collisions between 
reacting particles with sufficient energy to break 

and form bonds. 

45. A catalyst increases the rate of reactions by provid¬ 
ing an alternative reaction mechanism with lower 

activation energy. 
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47. Gas molecules and oxygen molecules mix readily 
but do not have enough energy to react at room 

temperature. The flame raises the temperature and 
the energy of collisions, so the reaction rate 

increases. The heat released by the reaction main¬ 
tains the high temperature, and the reaction contin¬ 

ues spontaneously. 

49. The rates are equal. 

51. a. K 
[H2S]1 2 * X [CH4] [PCI3] X [Cl2] 

[H2]4 X [CS2] D- [PC15] 

53. a. [Ni2+][S2'] b. [Ba2+] [C032“] 

55. c, b, d, a 

57. A spontaneous reaction has a negative free energy. 

59. unfavorable 

61. a. entropy increases b. entropy decreases 

63. The favorable exothermic change of the condensa¬ 
tion process offsets the unfavorable entropy change. 

65. a. proportionality constant that relates concentra¬ 

tions of reactants to rate of reaction 
b. reaction rate directly proportional to concentra¬ 

tion of one reactant 

c. expression of rate of reaction in terms of concen¬ 

trations of reactants 

2NO + 02 2N02 

69. c 

71. The change from Figure a to Figure b is spontane¬ 
ous, favored by an increase in entropy. The change 

from Figure b to Figure c will not occur because it 
would result in a decrease in entropy and a non- 

spontaneous process. 

73. increase in products 

75. Keq = 6.59 X 10 1 

77. The product of the ion concentrations must be 
greater than the ion-product constant (Ksp). 

81. a. 10' 

b. No, the r is changed in the reaction. A catalyst 

does not appear in the reaction as a reactant, an 
intermediate, or a product. 

c. two 

d. the slow reaction 

e. 2H202-> 2H20 + 02 

83. a. increase [HzO] b. decrease [HzO] 
c. decrease [H20] d. no change in [H20] 

85. Possible answers: used a blow dryer, flushed a toi¬ 
let, mowed the lawn, cooked breakfast, drove a car, 

and simply breathed 

87. first-order in N02, first order in NH4+, second-order 

overall 

89. a. 3 g b. 1.3 g c. Rate decreases. 

91. Potassium chloride is an ionic compound, not a 

molecular compound. 

93. a. sodium perchlorate, C104~ 
b. potassium permanganate, Mn04" 

c. calcium phosphate, P043- * 
d. magnesium carbonate, C032- 

e. sodium sulfate, S042- 
f. potassium dichromate, Cr2072- 

95. a. 251 g b. 45.9 g 
c. 2.99 X lCT22g d. 9.57 g 

97. a. 2KC103(5) -Jl£S4- 2KC1(s) + 302(g) 

b. 1.91 g02 

99. No; the boiling point is the temperature at which 

the vapor pressure of the liquid equals the atmo¬ 
spheric pressure; it changes if the atmospheric 

pressure changes. 

101. 17.1 L 

103. 19.5% H,0 

105. 1.58 mol 

107. a. solute, ethanol; solvent, water, 
b. below 

109. exothermic 

Chapter 19 I 
1. a. H+ is the Lewis acid; H20 is the Lewis base, 

b. AICI3 is the Lewis acid; Cl is the Lewis base. 

2. a Lewis base; it has a non-bonding pair of electrons 
that it can donate. 

c. acidic d. neutral 9. a. basic b. basic 

10. 1.0 X 10 nM; basic 

11. a. 4.0 

12. a. 12.00 

13. a. 1.0 X 10-5M 

14. a. 1.0 X 10-4M 

15. a. 9.63 

16. a. 4.30 

b. 2.82 

b. 1.35 

b. 1.5 X 10-13M 

b. 2.8 X 10-12M 

b. 3.65 

b. 9.08 
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22. 1.8 X 1(T4 

23. 4.89 X 10“6 

30. 4.68 mol KOH 

31. 0.20 mol NaOH 

32. 56 mL HC1 

33. 0.129M H3P04 

38. a. HP042' + H+->H2P04- 

b. H2P04~ + OH^-> HP042- 4- H20 

39. CHgCOO” 4- H+-4 CH3COOH 

45. a. base b. acid c. base 

d. acid e. acid f. acid 

47. a. 2Li 4- 2H20-> 2LiOH 4- H2 

b. Ba 4- 2H20-4 Ba(OH), 4- H2 

49. a. HN03 with NO3-, H20 with H30+ 

b. CH3COOH with CH3COO-, H20 with H30+ 
c. H20 with OH", NH3 with NH4+ 

d. HzO with OH", CH3COO- with CH3COOH 

51. H20^=^H+ + OH- 

53. the negative logarithm of the [H+] 

55. a. pH = 2.00, acidic b. pH = 12.00, basic 
c. pH = 6.00, acidic 

57. a. 5.62 b. 6.3 X 10-‘4M 

59. A strong acid is completely dissociated; Ka must be 
large. 

61. a. v 
[H+][F~] 

[HF] 

63. a. HNO3 4- KOH — 

b. 2HC1 4- Ca(OH)2 

c. H2S04 4- 2NaOH 

65. a. 1.40M 

b. K 
[H+][HCO-] 

[H2C03] 

kno3 + h2o 

—> CaCl2 4- 2HzO 
—4 Na2S04 4- 2HzO 

b. 2.61M 

67. HC03 [aq] + H20 (/)-4H2C03(aq) 4- OH [aq) 

69. a. basic b. acidic c. neutral 
d. basic e. neutral f. acidic 

71. yes; acids like acetic acid dissolve well but ionize 

poorly. 

73. 4.6 X 10"4 

75. a. HC102, chlorous acid 
b. H3P04, phosphoric acid 

c. H30+, hydronium ion 
d. NH4+, ammonium ion 

77. H3P044=^H+ 4- H2P0. ; 

H2P04- H+ + HPO/-; 
HP042“ ^=4 H+ + P043- 

79. a. HS04- b. CNT c. OH“ d. NH3 

81. a. 2HC1 + Mg(OH)2-4MgCl2 + 2H20 

b. 2HC1 + CaC03-4 H20 + C02 4- CaCl2 

c. Al(OH)3 + 3HC1-4A1C13 4- 3H20 

83. a. 8.73 

b. phenolphthalein or phenol red 

85. b, c, d, a 

87. a. You may consider the Arrhenius theory the easi¬ 

est to understand, and the Lewis theory the best 
because it is the most general. All three theories 

provide definitions and describe accepted 

behavior of a certain group of compounds. The 

Bronsted-Lowry theory includes a greater num¬ 

ber of compounds than the Arrhenius theory 
because it is more general, and the Lewis theory 

includes the greatest number of compounds 
because it is the most general, 

b. Each theory has advantages in certain circum¬ 
stances. 

89. The y-axis might correspond to [H+] because HC1 is 
a strong acid. 

91. a. false; an indicator determines a range of pH 
values. 

b. false; an Arrhenius base dissociates to give 

hydroxide ions in aqueous solution. Ammonia 
does not do this. 

c. false; strength is a measure of dissociation or 
ionization, not concentration. 

93. pH = 10.66 

95. a. 7.4721,7.2675,7.0835,6.9165,6.7675,6.6310 

Temperature (°C) 

b. 7.37 c. 35°C 

97. 50.0 mL; the pH = 7 when [H+] = [OH']. Because 

HC1 is a strong acid that supplies one hydrogen ion 
per formula unit and NaOH is a strong base that 

supplies one hydroxide ion per formula unit, 
[H+] = [OH“] when equal volumes of solutions of 

the same molarity are combined. 

99. [OH-] = 4.6 X 10 4; pH = 10.66 

101. 131 g02 

103. The total pressure in a mixture of gases is equal to 

the sum of the partial pressures of each gas in the 
mixture. 

105. suspension 

107. hydrogen bond 

109. Dissolve 0.272 mol KOH(s) in water and add suffi¬ 

cient water to give 400.0 mL of solution. 

111. b, c, and d 

113. a. 144 J b. 1.0 X 103 kj c. 82.9 cal 

115. The product of the concentrations of the two ions 
must be greater than the solubility product. 

117. 2.0 X 10-8M 

119. a. shift right b. no change c. shift right 

d. shift right e. shift right 
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Chapter 20 

1. a. Na: oxidized (reducing agent); S: reduced 

(oxidizing agent) 
b. Al: oxidized (reducing agent);02: reduced 

(oxidizing agent) 

2. a. oxidation b. reduction 

9. a. S, +3; O, -2 

c. R +5; O, -2 

10. a. +5 b. 0 

b. Na, +1; O, -1 

d. N, +5; O, -2 

c. +7 d. +1 

11. a. H2 oxidized, 02 reduced 
b. N reduced, O oxidized 

12. a. H2 reducing agent, 02 oxidizing agent 

b. N oxidizing agent, O reducing agent 

17. a. redox reaction; Mg is oxidized, Br2 is reduced, 

b. not a redox reaction 

18. a. not a redox reaction 
b. redox reaction; H2 is oxidized, Cu is reduced. 

19. a. 2,2,3 b. 2,2,2,1,2 

20. a. 1,8, 2, 2,3,4 b. 1,2, 1,2, 1 

21. 4Zn + N03- + 6H20 + 70FT-> 

4Zn(OH)42- + NH3 

27. The oxidizing agent is reduced. 

29. a. oxidation b. oxidation 
c. oxidation d. oxidation 

31. a. H2 is oxidized; S is reduced. 
b. N2 is reduced; H2 is oxidized. 

c. S is oxidized; 02 is reduced. 

d. H2 is oxidized; 02 is reduced. 

33. An oxidation number is the charge an atom would 

have if the electrons in each bond were assigned to 

the atoms of the more electronegative element. 

35. a. +2 b. +3 c. Na, +1; Cr, +6 

d. +5 e. +7 

37. a. Al is oxidized; Mn is reduced. 

b. K is oxidized; H is reduced. 
c. Hg is reduced; O is oxidized. 

d. P is oxidized; O is reduced. 

39. redox: a, b, c, d, e 

41. a. 4Al(s) + 3Mn02(s)->2A1203(s) + 3Mn(s) 

b. 2K(s) + 2H20(/)-^2KOH{aq) + H2(g) 
c. 2HgO(s)->2Hg(Z) + 02(g) 

d. P4(s) + 502(g) --» P4O10(s) 

43. a. +4 b. +5 c. +5 
d. +3 e. +5 f. +3 

45. a. Cl oxidized, Mn reduced, Mn oxidizing agent, 
reducing agent 

b. Cu oxidized, N reduced, N oxidizing agent, Cu 
reducing agent 

c. P oxidized, N reduced, N oxidizing agent, P 
reducing agent 

d. Sn oxidized, Bi reduced, Bi oxidizing agent, Sn 
reducing agent 

47. a. 16H+(a<7) + 2Cr2072 {aq) + C2H5OH(ag)-> 
4Cr3+{aq) + 2CO 2{g) + 11H20(Z) 

b. oxidizing agent 

49. a. oxidized 

b. H is the oxidizing agent; Ag is the reducing agent. 
c. 2Ag(s) + H2S(s)-> Ag2S(g) + H2{g) 

51. a. yes; the oxidation number of bismuth changes 
from +3 to zero; the oxidation number of carbon 

changes from zero to +2. 

b. no; there is no change in oxidation number of 
any of the atoms in this reaction. 

c. no; there is no change in oxidation number of any 
of the atoms in this reaction. 

53. a. reactant, 0; product, +3 
b. reactant, -2; product, -2 

c. X 

d. H 

55. Is2 2s2 2p6 3s2 3p5; A chlorine atom can lose its 7 

valence electrons or it can gain one electron to com¬ 
plete the third energy level. 

57. Double replacement reactions never involve the 

transfer of electrons; instead they involve the trans¬ 
fer of positive ions in aqueous solution. 

59. a. S042“ b. H202 c. N03“ 

d. Cr2072- e. H20 

61. a. Rb(s) + I2(s)-> Rbl2(s); oxidizing agent is I 

b. Ba(s) + 2H20(Z)-^Ba(OH)2{aq) + H2(g); 
oxidizing agent is H 

c. 2Al(s) +3FeSOA{aq)->Al2(S04)3(ag) + 3Fe(s); 
oxidizing agent is Fe 

d. C4H8(g) + 602(g)-»4C02(g) + 4H20(Z); 
oxidizing agent is O 

e. Zn(s) + 2HBr(a<7)-> ZnBr2(«q) + ff2(g); 

oxidizing agent is H 

f. Mg(s) + Br2(Z)-> MgBr2(s); oxidizing agent is Br 

63. Mn04~, because the manganese is at its highest 
oxidation state 

65. 104 mL K2Cr207 

67. a. +5 b. —3 c. +3 d. +3 
e. +1 f. -3 g. +2 h. +4 

69. The nitride ion has the minimum oxidation number 

of -3, therefore it cannot gain additional electrons 
and be an oxidizing agent. It can lose electrons, 

however, and be a reducing agent. The nitrate ion has 
the maximum oxidation number of +5; therefore, it 

cannot lose additional electrons and be a reducing 

agent. It can gain electrons, however, and be an 
oxidizing agent. 

71. a. a. 6.5 b. 4 c. 5 d. 8 e. 5 f. 6 g. 9.5 h. 6 i. 7 

b. CxHy + [x + (y/4)]02->xC02 + (y/2)H20 

73. 1.8 X 102 kPa 

75. a, c, and d 

77. Ca(N03)2; boiling point elevation is a colligative 

property that depends on the number of particles in 
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solution. Ca(N03)2 gives three particles per formula 
unit; LiF gives two particles per formula unit. 

79. solubility: PbBr2= 8.1 X 1CT3M 

81. a. 1.0 X 10~2M b. 1.0 X 10~UM 
c. 1.6 X 10~9M 

83. a. NH4+ and NH3; H20 and H30+ 

b. H2S03 and HS03“; NH2‘and NH3 
c. HN03 and N03 ; T and HI 

85. a. 5.00 b. 10.00 c. 13.00 d. 6.52 

Chapter 21 ) 

9. nonspontaneous; E°eU=-0.02 V 

10. yes; E°eU= +0.16V 

11. 2Al(s) + 3Cu2+(aq)->2M3+(aq) + 3Cu(s) 

12. Cu(s) + 2Ag+ [aq)->Cu2+{aq) + 2Ag(s) 

13. F°ell- +2.00V 

14. E°ell= + 0.46 V 

27. oxidation: Al(s)->M3+{aq) + 3e“; reduction: 
Cu2+{aq) + 2e“-> Cu(s) 

29. a. Cu b. Ca c. Mg 

d. Sn e. Zn f. A1 

31. The salt bridge allows ions to pass from one half-cell 

to the other but prevents the solutions from mixing. 

33. Water is produced by the redox reaction and sulfuric 

acid is used up; water has a lower density than sulfu¬ 
ric acid. 

35. Fuel cells cannot generate electricity as economi¬ 

cally as more conventional forms of electrical gener¬ 
ation. 

37. It was arbitrarily set at zero. 

39. The relative order is the same because both tables 

rank the elements according to their tendency to 
undergo oxidation/reduction. 

41. a. nonspontaneous; E°eI1= -0.34 V 

b. nonspontaneous; E°ell=-1.24 V 

43. A direct current flows in one direction only. 

45. 2H20(Z)->02(g) + 2H2(g) 

47. Apparatus similar to that on page 687; the small 

spheres representing molecules of H2 and Cl2 will be 

in 1:1 ratio. 

49. Two half-cells are needed because oxidation or 

reduction cannot occur in isolation. One half-cell 
gains electrons and one loses them, producing an 

electric current. 

51. Some of the iron dissolves and the nail becomes 

coated with copper. 

Overall reaction: Fe(s) + CuS04(aq)-> 
FeS04(ag) + Cu(s); 

oxidation half-reaction: Fe-> Fe2+ + 2e 

reduction half-reaction: Cu2+ + 2e“-> Cu 

53. Lead(II) sulfate and lead dioxide are highly insoluble 

in sulfuric acid. 

55. a. oxidation: 6C1 (/)->3Cl2(g) + 6e~ (anode); 

reduction: 2A1(Z) + 6e“->2M{1) (cathode) 

b. overall reaction: 2A1CI3(/)-> 2A1(Z) + 3Cl2(g) 
c. chlorine gas at anode; liquid aluminum at cathode 

57. In each type of cell, oxidation occurs at the anode 
and reduction occurs at the cathode. 

59. a. Zn-» Zn2+ + 2e- e. Fe-> Fe2+ + 2e~ 
f. Na-> Na+ + e“ 

61. a. +0.63V e. +0.21 V f. +4.07V 

63. a. possible oxidation reactions at anode: 
(i) 2Cl~ {aq)-^Cl2(g) + 2e~; 

(ii) 2H20(Z)-> 02(g) + 4H+{aq) + 4e“ 
b. possible reduction reactions at cathode: 

(i) Na+(ag) + e~-»Na(s); 

(ii) 2H20(Z) + 2e~-> H2(g) + 20H“(^) 

c. (i) Chloride ions are more readily oxidized to 

chlorine gas than water molecules are oxidized 
to water. 

d. (ii) Water is reduced to produce hydrogen gas; 

sodium ions are not reduced to sodium metal 

because water molecules are more easily 
reduced than sodium ions. 

65. Gold belongs near the bottom, below silver, because 
it is one of the least active metals. 

67. The chemists’ definition focuses on the electrons 

that are produced by oxidation at the anode of a vol¬ 
taic cell; the dictionary definition is based on an 

electrolytic cell. The electrodes are defined by the 
battery terminals to which they are attached. 

69. d; the voltage falls steadily. 

71. As electrons flow from the anode to the cathode in 
the external circuit, anions must flow from the cath¬ 

ode compartment to the anode compartment to 
maintain neutrality in the electrolytes. Anions can¬ 

not flow through wire made of copper or any other 
metal; the cell will not function if the salt bridge is 
replaced with a metal wire. 

73. oxidation: 2Cu(impure) + 2H2S04-> 

2Cu2+ + 2HZ + S042+; 
reduction: 2Cu2+ + 2S042+ + 2HzO-> 

2Cu(pure) + 2H2S04 + 02; 
overall reaction: 2Cu(impure) + 2H20-> 

2Cu(pure) + 2H2 + 02 

75. The battery output would not be 12V. 

77. 467 mL 

79. a. 0.0125g NaCl 

81. a. 4.32 X 102 kj 
c. 2.70 X 103 J 

83. 267 kj 

85. [N2] X [H2]3/[NH3]2 

87. a. [OFr] = 1 X 10_7M 

c. [OH-] = 1 X 10_6M 

89. a. +6 b. -2 
d. +2 e. 0 

b. lOlg KN03 

b. 2.55 X 105 cal 

b. [OH~] = 1 X 10_1°M 

c. +4 

f. +4 
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91. b (Ca is oxidized, Cl2 is reduced) and d (Ca is 
oxidized, H is reduced) 

93. a. Cr, +6 b. I, +5 

c. Mn, +7 d. Fe, +3 

Chapter 22 

1. H H H H H 
I I I I I 

H-C-C-C-C-C-H 
I I I I I 

H H H H H 

H H H H H H 
I I I I I I 

H-C-C-C-C-C-C-H 
I I I I I I 

H H H H H H 

2. 10 

3. a. 3-ethylhexane b. 2-methylbutane 

4. a. 2,3-dimethylpentane b. 2-methylpentane 

CH3 
I 

5. ch3chchch2ch2ch3 

ch3 

ch3 ch3 ch3 
I I I 

6. CH3—CH — CH—C — CH2— CH2— CH2— CH3 
I 
ch2 

I 
ch3 

18. Both a and b have an asymmetric carbon, denoted 
as C*. 

CH3CHCHO CHoCHOH 
I 

Cl 
I 
ch3 

19. a. The asymmetric carbon is denoted as C*. 

CH3 

CH3CH2-(j;-Br 

F 
b. no asymmetric carbon 

37. pentane: CH3CH2CH2CH2CH3; 
hexane: CH3CH2CH2CH2 CH2CH3 

39. H 
I 

H-C- 
I 

H 
methyl 

H H H 
I I I 

H-C-C-C- 
I I I 

H H H 
propyl 

H H 
I I 

H-C-C- 
I I 

H H 
ethyl 

41. The carbon-carbon bonds are nonpolar and the 
carbon-hydrogen bonds are very weakly polar. 

43. CH2=CHCH2CH2CH3 
1- pentene 

CH3CH=CHCH2CH3 
2- pentene 
CH3 

I 
ch3-c=ch-ch3 
2-methyl-2-butene 

45. a. Accept any isomer with 5 carbons and 
12 hydrogens. 

b. Accept any isomer with 7 carbons and 
16 hydrogens. 

47. No; Only molecules with at least one asymmetric 
carbon have optical isomers. 

51. Catalysts are used during cracking to produce more 
short-chain components, including components 
that increase the performance of gasoline. 

53. The combustion of sulfur in coal produces the air 
pollutants SO? and S03. 

55. a. Ethyne (acetylene) has one triple carbon-carbon 
bond and two single carbon-hydrogen bonds. 

b. All the bonds in propane are single bonds. 
c. In methylbenzene, there are hybrid bonds within 

the ring and single bonds within the substituents 
and between the substituents and the ring. 

57. propane, butane, pentane 

H H HHH 
59. a. 11:C::C:11 b. H OOCH 

HHH 

HH 
c. lFOiOII d. Il OOH 

IFOOH 
HH 

61. The middle structure is most stable due to reso¬ 
nance within the ring. 

63. No; the structures are identical; one has been 
flipped over. 

65. The amount of heat per carbon is higher for meth¬ 
ane (-890 kj/mol per mole of carbon burned) than 
for benzene (-545 kj/mol per mole of carbon 
burned). Burning aromatic compounds produces 
more soot. 
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67. Because there is no rotation around the double 

bond, the methyl and ethyl groups can be on the 

same side of the bond or opposite sides. 

ch3 ch2ch3 ch3 h 
/C=C^ /C=C^ 

H H H CH2CH3 
trans-2-pentene c/s-2-pentene 

69. H2C=C=CH2 

71. a. 
ch3ch2 

CH, 
;c=c; 

.ch2ch3 

'CH, 

73. Alkanes contain only C—C and C—H single bonds. 

Alkenes contain at least one C—C double bond. Aro¬ 

matic hydrocarbons contain a benzene ring or a 

similar ring. Cycloalkanes contain aliphatic carbon 
chains linked end-to-end. 

75. The graph is not a straight line. The estimated boil¬ 

ing point should be higher than 150°C. The boiling 
point of undecane is 196°C. 

Number of carbons 

77. a. C6 = 5, C7 = 9, C8 = 18, C9 = 35, C10 = 75 

b. As the number of carbon atoms increases, there 

is a dramatic increase in the number of ways 
that the carbon atoms can be arranged in the 

molecule. 

29. 

a. C1 b. 

I 
ch-ch2-ch3 

Cl 

1, 1-dichloropropane 

Br 
I 

ch3-ch2-ch2-ch2 

1-bromobutane 

Br 

Cl Cl 
I I 
ch2-ch -ch3 

1, 2-dichloropropane 

Cl Cl 
I I 
ch2-ch2-ch2 

1, 3-dichloropropane 

Cl 

ch3-c-ch3 
! 

Cl 

2, 2-dichloropropane 

31. a. 2-propanol 

33. a. H Br 

CH2-CH2 

bromoethane 

b. Cl Cl 
I I 

CH2-CH2 

1, 2-dichloroethane 

ch3—ch2-ch -ch3 

2-bromobutane 

CH3 Br 
I I 

ch3-ch-ch2 

1- bromo-2-methylpropane 

CH3 
I 

ch3-c-ch3 
I 

Br 

2- bromo-2-methylpropane 

b. 1,2-propanediol 

d. H H 
I I 
ch2-ch2 

ethane 

ch2-ch2 

chloroethane 

79. a. 13.9 L b. 1 L c. 20 kPa 

81. 1.13 mol KN03; 1.14 X 102gKNO3 

83. 1 cal = 4.184 J; 4.184 X 103 J 

85. a. favors reactants 

87. a. 10.00 b. 7.59 

89. a. H3P04 b. CsOH 

91. a. Ca, +2; C, +4; 0, -2 

c. Li, +1; I, +5; O, -2 

93. a. +4 b. +4 

d. +5 e. +5 

b. favors products 

c. 12.00 d. 11.70 

c. H2C03 d. Be(OH) 

b. Cl, 0 

d. Na, +1; S, +4; O, -2 

c. +3 

f. +2 

95. It is the cell potential when the ion concentrations 
in the half-cells are 1M, the temperature is 25°C, and 

the pressure of any gases present is 101.3 kPa. 

97. The reaction is nonspontaneous. 

Chapter 23 

27. a. Cl 

cich2cch2ch3 

Cl 

c: H OH 
I I 

CH2-CH2 

ethanol 

35. a. propanone or acetone 
b. 3-methylbutanal 

c. 2-phenylethanal 
d. ethanol or acetaldehyde 
e. diphenylmethanone or diphenyl ketone or 

benzophenone 
f. 3-hexanone or ethylpropylketone 

CH b. -CH CH 
l 

ch2 Cl Cl 
1 

ch3 

39. c, a, b 

41. Both atoms in a carbon-carbon double bond have 

the same electronegativity, so the bond is nonpolar. 
Because oxygen is more electronegative than car¬ 
bon, a carbon-oxygen bond is very polar. 

43. a. phenol b. ether c. alcohol 
d. phenol e. alcohol 
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45. 

47. 

49. 

51. 

53. 

55. 

57. 

59. 

61. 

63. 

65. 

67. 

69. 

a. carboxylic acid, ethanoic acid (acetic acid) 

b. ketone carbonyl group, propanone (acetone) 
c. ether, diethyl ether (ethyl ether) 
d. alcohol, ethanol (ethyl alcohol) 

a. CH3CH2COO~Na+, CH3CH2OH 

b. CH3COO“K+, OH 

CH3 
I 

c. ch3ch2cooh, ch3chch2oh 

The chemical properties (and toxicity) of organic 
compounds are determined by the compound as a 

whole. As a substituent in a molecule, a phenyl 
group ring does not have the same properties as 

benzene. 

The alcohol molecules form hydrogen bonds with 
one another, resulting in a higher boiling point. 

They also form hydrogen bonds with water 

molecules, causing 1-butanol to be more soluble 
than diethyl ether. (Although diethyl ether is polar, 

1-butanol has greater polarity.) 

The short-chain ethanoic acid has a higher water 

solubility. 

H2NCH2(CH2)3CH2NH2 cadaverine; 

H2NCH2(CH2)4CH2NH2 putrescine; Both com¬ 
pounds are amines. 

Cholesterol is an alcohol with a hydroxyl group on a 
cycloalkane. It has four nonaromatic rings. It has a 

double bond on one of its rings, as well as a large 
alkyl group, making it nonpolar. 

Waving lotion reduces —S—S— bonds to —SH 
bonds. Hair can be placed in curlers to form the hair 

in the desired shape. The neutralizing agent is an 

oxidizing agent that re-forms —S—S— bonds, lock¬ 
ing the hair into its curly shape. Similar steps could 
be used to straighten curly hair. 

b. 3 

2.86 gS02 

Anhydrous Na2C03(s) is the better value; the 
decahydrate is 63.0% water. 

0.117M Ca(N03)2 

71 kj 

71. a, c, d, b 

73. Oxidized: H of BH4 Reduced: H of H,0 

Unaffected: Na, B, O 

75. Reduction always occurs at the cathode. In the elec¬ 

trolytic cell, the cathode is the negative electrode. 

77. coal 

Chapter 24 

37. A eukaryotic cell has a cell membrane, a nucleus, 
and various organelles including mitochondria, 

lysosomes, an endoplasmic reticulum, and ribo¬ 
somes. Prokaryotic cells have a cell membrane, but 

lack organelles. 

39. C6H1206 + 602-> 6C02 + 6H20 + energy 

41. glucose and fructose 

43. Glucose is an aldehyde; fructose is a ketone. 

45. a. glucose b. glucose 

47. peptide bond 

49. Peptide chains fold into helixes or into sheets in 

which peptide chains lie side by side. 

51. Enzymes catalyze biological reactions. 

53. At room temperature, animal fats are solid; plant 
oils are liquid. 

55. alkali metal salt of a fatty acid 

57. 

Lipid 

bilayer 

Hydrophilic head 

faces water 

Hydrophobic 

tail protected 

from water 

59. protection from water loss and microorganisms in 
plants; pliability and waterproofing in animals 

61. a phosphate group, a 5-carbon sugar unit, and a 
nitrogen base 

63. hydrogen bonding 

65. three 

67. DNA sequences are unique for each individual. 

69. ATP + H20-^ ADP + P, 
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71. In catabolism, large biomolecules are broken down 

and energy is captured through the production of 
ATP. In anabolism, the products and energy from 

catabolism are used to make biomolecules. 

73. products of catabolism 

75. Catabolism of 1 mol glucose yields 2.82 X 103 kj of 
energy. 

77. The negatively charged hydrophilic phosphate 

heads interact favorably with water. 

79. a. triglyceride b. glucose c. dipeptide 

81. GCTAGGT 

83. permit passage of nutrients into cells 

85. many applications in medicine and agriculture 

87. 30.5 kj/mol X 38 mol/2.82 X 103 kj/mol X 100% = 
41.4% 

89. The shapes of the cellulose and starch molecules 

are different; humans lack enzymes necessary to 
cleave cellulose to glucose monomers. 

91. Coenzymes must be present for an enzyme- 

catalyzed reaction to occur. Many water-soluble 
vitamins, such as B vitamins, are coenzymes. 

93. a. iron(II) ion 

b. iron(III) ion; methemoglobinemia 

95. Photosynthesis provides the carbon compounds 
that plants and animals need to exist. 

97. A carboxylic acid group of one amino acid and 

amino group of another amino acid undergo con¬ 
densation polymerization to form an amide (pep¬ 

tide) bond. 

99. Blanching the corn destroys most of the enzymes 
responsible for the conversion of glucose to starch. 

Freezing the corn slows down the action of any 
remaining starch-producing enzymes and prevents 

spoilage. 

101. Inside the helix; strands must unwind 

103. Bacteria necessary for nitrogen fixation might be 
killed by sterilization of the soil. 

105. CH,OH 

H C—O H 

\ /& \ / c 11 r 

/ \?h •?/ 
HO C—C 

H OH 
O 

OCH2 ,Ov 

C u C 
/ \H HO/ \ 

H \_(V CH2OH 

+ H20 

OH H 

107. Sample answer: GTA-ACA-CCA-GCA-GGG; yes, 
because GGA, GGG, GGT, and GGC all code for 
proline. 

109. R O R O 
I II I II 

H2N—C—C—OH + H—N —C—C —OH -> 
I I I 

H H H 

Amino acid Amino acid 

R O R O 
I II I II 

H2N—C—C-N—C—C—OH + H20 

H H H 

Peptide 

An amido group is formed. 

CH2OH 

0 
II 

CH3(CH2)14—c—0~Na 

O 

CHOH + CH3(CH2)12-C-0"Na 

O 
CH2OH 

glycerol 

II 
CH3(CH2)16-C-0-Na 

salts of fatty acids 

113. hydrogen bonds between adjacent parts of folded 
chains and covalent bonds between side-chain 
groups of cysteine 

115. The particles in real gases have volumes and are 
attracted to one another. 

117. a. 0.519°C b. 0.209°C c. 0.238°C d. 0.227°C 

119. Besides being composed of highly combustible 

material, the needles have a large surface area that 
increases their rate of combustion. 

121. a. 4.15 b. 5.26 c. 12.79 d. 10.36 

123. Oxidation always occurs at the anode. In the voltaic 

cell the anode is the negative electrode. 

125. a. Cu b. Ni c. Ag 

d. Fe e. Cd f. Cu 

127. a. cyclopentane 

b. 2-methyl-2-propanol (tert-butyl alcohol) 
c. 3-pentanone 

129. 1-chlorobutane, 2-chlorobutane, 1-chloro- 
2-methylpropane, 2-chloro-2-methylpropane 

131. a. polytetrafluoroethene (Teflon or PTFE) 

b. polyethylene 
c. polyvinyl chloride (PVC) 
d. polystyrene 

Chapter 25 

7. 0.063 mg Mn-56 

8. No; one forth of the sample will remain. 
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25. Each isotope of an element has the same atomic 
number, but a different atomic mass. A radio¬ 

isotope is an isotope that is radioactive. 

27. 23°Pb -* 23°Bi+_°e 

29. a. -> ^Th-l^He; thorium - 234 

b. 23°Th -> 2g®Ra+2He; radium — 226 

c. 233U -22jTh+2He; thorium - 231 

d. 2ggRn -> ^Po + gHe; polonium -218 

31. a. mass number is unchanged; 

atomic number increases by 1 
b. mass number decreases by 4; 

atomic number decreases by 2 
c. mass number and atomic number are both 

unchanged 

33. It undergoes radioactive decay. 

35. a. 13C b. [H c. “O d. “N 

37. so the person is exposed to radioactivity for a lim¬ 
ited time 

39. Natural radioactivity comes from elements in 
nature. Artificial radioactivity comes from elements 

created in nuclear reactors and accelerators. 

41. The nuclei of certain isotopes are bombarded with 

neutrons. The nuclei break into two fragments and 
release more neutrons. Released neutrons hit other 

nuclei to start a chain reaction that releases large 
amounts of energy. 

43. Fusion requires extremely high temperatures, mak¬ 
ing it difficult to start or contain the reaction. 

45. The film badge measures radiation exposure; an 
exposed film badge indicates how much radiation a 

worker has received. 

47. a. 30P + 
15r ^ °e -1C ->• 30 Si 

; 1401 b. 13C + “n-> “C 

c. 131t 
531 

> 131 
' 54 Xe + _°e 

49. a. 32 c 
16° b. “C c. $He d. '«La e. 133Au 

51. a. about 20% b. about 85 g 
c. about 83 days d. about 25 days 

53. a. Curie named radioactivity and discovered several 
radioactive elements. 

b. Becquerel discovered natural radioactivity from 
uranium ores. 

c. Chadwick discovered the neutron. 

d. Rutherford artificially transmuted elements. 

55. 233At 

57. 11,460 years old 

59. a. 2g}Pa-» 222Ac + ^He 

b. 2SAm-* ^Np + «He 

c. 2geRa-* 2ggRn + 2 He 

d. 2ggEs-* 2«Bk + 4He 

61. 5730 years old 

63. The organism would be exposed to less harmful 

radiation. 

65. An alpha particle is much more likely than other 

kinds of radiation to collide with another particle 
and be stopped. At the atomic level, the larger the 

size of a particle, the greater is the chance of it strik¬ 
ing another particle. The greater the magnitude of a 

particle’s charge, the more strongly it will be 
attracted to particles of opposite charge. 

67. one neutron 

69. uranium; 2g3Pu-> 2|fU + jHe 

71. 130 

73. This graph shows the radioactive decay of carbon- 
14, along with the increase of the nitrogen product. 

75. Bismuth-214 remains. 

77. 4.2 X 102 cm3 

79. a. 26 protons and 33 neutrons 
b. 92 protons and 143 neutrons 

c. 24 protons and 28 neturons 

81. a. covalent b. ionic c. covalent d. ionic 

83. 9.22 X 103 cm3 H2; 0.412 mol H, 

85. 6.7 mL 

87. a. propanoic acid b. propanal 

c. 1-propanol d. 1-arninopropane 
e. 1-chloropropane f. ethylmethyl ether 

89. 1-propanol and ethanoic acid 

91. a. (4) b. (3) c. (1) d. (4) e. (1) f. (2) 

g. (3) h. (2) i. (4) j. (3) 
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Glossary 

absolute zero the zero point on the Kelvin temperature scale, 
equivalent to -273.15°C (3.2) 

accepted value a quantity used by general agreement of the 
scientific community (3.1) 

accuracy the closeness of a measurement to the true value of 
what is being measured (3.1) 

acid a compound that produces hydrogen ions in solution; 
see also hydrogen-ion donor, Lewis acid (9.4) 

acid dissociation constant {Ka) the ratio of the concentration 
of the dissociated form of an acid to the undissociated 
form; stronger acids have larger Ka values than weaker 
acids (19.3) 

acidic solution any solution in which the hydrogen-ion con¬ 
centration is greater than the hydroxide-ion concentration 
(19.2) 

activated complex an unstable arrangement of atoms that 
exists momentarily at the peak of the activation-energy 
barrier; an intermediate or transitional structure formed 
during the course of a reaction (18.1) 

activation energy the minimum energy colliding particles 
must have in order to react (18.1) 

active site a groove or pocket in an enzyme molecule into 
which the substrate (reactant molecule) fits; where the 
substrate is converted to products (24.3) 

activity series a list of elements in order of decreasing activ¬ 
ity; the activity series of halogens is FI, Cl, Br, I (11.2) 

actual yield the amount of product that forms when a reac¬ 
tion is carried out in the laboratory (12.3) 

addition reaction a reaction in which a substance is added at 
the double bond of an alkene or at the triple bond of an 
alkyne (23.2) 

adenosine triphosphate (ATP) a molecule that transmits the 
energy needed by cells of all living things (24.6) 

alcohol an organic compound having an —OH (hydroxyl) 
group; the general structure is R—OH (23.2) 

aldehyde an organic compound in which the carbon of the 
carbonyl group is joined to at least one hydrogen; the gen¬ 
eral formula is RCHO (23.3) 

aliphatic hydrocarbon any straight-chain or branched-chain 
alkane, alkene, or alkyne (22.3) 

alkali metal any metal in Group 1A of the periodic table (6.2) 

alkaline earth metal any metal in Group 2A of the periodic 
table (6.2) 

alkaline solution a basic solution (19.2) 

alkane a hydrocarbon containing only single covalent bonds; 
alkanes are saturated hydrocarbons (22.1) 

alkene a hydrocarbon containing one or more carbon- 
carbon double bonds; alkenes are unsaturated hydrocar¬ 
bons (22.2) 

alkyl group a hydrocarbon substituent; the methyl group 
(—CH3) is an alkyl group (22.1) 

alkyl halide a halocarbon in which one or more halogen 
atoms are attached to the carbon atoms of an aliphatic 
chain (23.1) 

alkyne a hydrocarbon containing a carbon-carbon triple 
bond; alkynes are unsaturated hydrocarbons (22.2) 

allotrope one of two or more different molecular forms of an 
element in the same physical state; oxygen (02) and ozone 
(03) are allotropes of the element oxygen (13.3) 

alloy a mixture composed of two or more elements, at least 
one of which is a metal (7.3) 

alpha particle a positively charged particle emitted from cer¬ 
tain radioactive nuclei; it consists of two protons and two 
neutrons and is identical to the nucleus of a helium 
atom (25.1) 

amino acid an organic compound having amino (—NH2) and 
carboxyl (—COOH) groups in the same molecule; proteins 
are made from the 20 naturally occurring amino acids (24.3) 

amorphous solid describes a solid that lacks an ordered 
internal structure; denotes a random arrangement of 
atoms (13.3) 

amphoteric a substance that can act as both an acid and a 
base (19.1) 

amplitude the height of a wave’s crest (5.3) 

anabolism synthesis processes in the metabolism of cells; 
these processes usually require the expenditure of energy 
(24.6) 

analytical chemistry the area of chemistry that focuses on 
the composition of matter (1.1) 

anion any atom or group of atoms with a negative charge (6.3) 

anode the electrode at which oxidation occurs (21.1) 

applied chemistry research that is directed toward a practical 
goal pr application (1.1) 

aqueous solution water that contains dissolved substances 
(15.2) 

aromatic compound an organic compound that contains a 
benzene ring or other ring in which the bonding is like that 
of benzene; aromatic compounds are also known as arenes 
(22.4) 

aryl halide a halocarbon in which one or more halogens are 
attached to the carbon atoms of an arene ring (23.1) 

asymmetric carbon a carbon atom that has four different 
atoms or groups attached (22.3) 

atmospheric pressure the pressure exerted by atoms and 
molecules in the atmosphere surrounding Earth, resulting 
from collisions of these particles with objects (13.1) 

atom the smallest particle of an element that retains its iden¬ 
tity in a chemical reaction (4.1) 

atomic emission spectrum the pattern formed when light 
passes through a prism or diffraction grating to separate it 
into the different frequencies of light it contains (5.3) 

atomic mass the weighted average of the masses of the iso¬ 
topes of an element (4.3) 

atomic mass unit (amu) a unit of mass equal to one-twelfth 
the mass of a carbon-12 atom (4.3) 
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atomic number the number of protons in the nucleus of an 
atom of an element (4.3) 

atomic orbital a mathematical expression describing the 
probability of finding an electron at various locations; 
usually represented by the region of space around the 
nucleus where there is a high probability of finding an 
electron (5.1) 

atomic radius one-half the distance between the nuclei of 
two atoms of the same element when the atoms are joined 
(6.3) 

aufbau principle the rule that electrons occupy the orbitals 
of lowest energy first (5.2) 

Avogadro’s hypothesis equal volumes of gases at the same 
temperature and pressure contain equal numbers of 
particles (10.2) 

Avogadro’s number the number of representative particles 
contained in one mole of a substance; equal to 6.02 X 1023 
particles (10.1) 

balanced equation a chemical equation in which mass is 
conserved; each side of the equation has the same number 
of atoms of each element (11.1) 

band of stability the location of stable nuclei on a neutron- 
vs.-proton plot (25.2) 

barometer an instrument used to measure atmospheric 
pressure (13.1) 

base a compound that produces hydroxide ions in solution; 
see also hydrogen-ion acceptor, Lewis base (9.4) 

base dissociation constant (kj,) the ratio of the concentration 
of the conjugate acid times the concentration of the 
hydroxide ion to the concentration of the base (19.3) 

basic solution any solution in which the hydroxide-ion con¬ 
centration is greater than the hydrogen-ion concentration 
(19.2) 

battery a group of voltaic cells that are connected to one 
another (21.1) 

beta particle an electron resulting from the breaking apart of 
neutrons in an atom (25.1) 

binary compound a compound composed of two elements; 
NaCl and A1,03 are binary compounds (9.2) 

biochemistry the area of chemistry that focuses on processes 
that take place in organisms (1.1) 

biotechnology the field that applies science to the produc¬ 
tion of biological products or processes (1.2) 

boiling point (bp) the temperature at which the vapor pres¬ 
sure of a liquid is just equal to the external pressure on the 
liquid (13.2) 

boiling-point elevation the difference in temperature 
between the boiling point of a solution and the boiling 
point of the pure solvent (16.3) 

bond dissociation energy the energy required to break the 
bond between two covalently bonded atoms; this value is 
usually expressed in kj per mol of substance (8.2) 

bonding orbital a molecular orbital that can be occupied by 
two electrons of a covalent bond (8.3) 

Boyle’s law for a given mass of gas at constant temperature, 
the volume of the gas varies inversely with pressure (14.2) 

branched-chain alkane an alkane with one or more alkyl 
groups attached to the parent structure (22.1) 

Brownian motion the chaotic movement of colloidal parti¬ 
cles, caused by collision with particles of the solvent in 
which they are dispersed (15.3) 

buffer a solution in which the pH remains relatively constant 
when small amounts of acid or base are added; a buffer can 
be either a solution of a weak acid and the salt of a weak acid 
ora solution of a weak base with the salt of a weak base (19.5) 

buffer capacity a measure of the amount of acid or base that 
may be added to a buffer solution before a significant 
change in pH occurs (19.5) 

calorie (cal) the quantity of heat needed to raise the tempera¬ 
ture of 1 g of pure water 1°C (3.2) 

calorimeter an insulated device used to measure the absorp¬ 
tion or release of heat in chemical or physical processes 
(17.2) 

calorimetry the precise measurement of heat flow out of a 
system for chemical and physical processes (17.2) 

carbohydrate the name given to monomers and polymers of 
aldehydes and ketones that have numerous hydroxyl 
groups; sugars and starches are carbohydrates (24.2) 

carbonyl group a functional group having a carbon atom and 
an oxygen atom joined by a double bond; it is found in 
aldehydes, ketones, esters, and amides (23.3) 

carboxyl group a functional group consisting of a carbonyl 
group attached to a hydroxyl group; it is found in carbox¬ 
ylic acids (23.3) 

carboxylic acid an organic acid containing a carboxyl group; 
the general formula is RCOOH (23.3) 

catabolism the reactions in living cells in which substances 
are broken down and energy is produced (24.6) 

catalyst a substance that increases the rate of reaction by 
lowering the activation-energy barrier; the catalyst is not 
used up in the reaction (11.1) 

cathode the electrode at which reduction occurs (21.1) 

cathode ray a stream of electrons produced at the negative 
electrode (cathode) of a tube containing a gas at low 
pressure (4.2) 

cation any atom or group of atoms with a positive charge (6.3) 

cell potential the difference between the reduction potentials 
of two half-cells (21.2) 

Celsius scale the temperature scale on which the freezing 
point of water is 0°C and the boiling point is 100°C (3.2) 

Charles’s law the volume of a fixed mass of gas is directly pro¬ 
portional to its Kelvin temperature if the pressure is kept 
constant (14.2) 

chemical change a change that produces matter with a dif¬ 
ferent composition than the original matter (2.3) 

chemical equation an expression representing a chemical 
reaction; the formulas of the reactants (on the left) are con¬ 
nected by an arrow with the formulas for the products (on 
the right) (11.1) 

chemical equilibrium a state of balance in which the rates of 
the forward and reverse reactions are equal; no net change 
in the amount of reactants and products occurs in the 
chemical system (18.2) 
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chemical formula an expression that indicates the number 
and type of atoms present in the smallest representative 
unit of a substance (7.2) 

chemical potential energy energy stored in chemical bonds 
(17.1) 

chemical property the ability of a substance to undergo a 
specific chemical change (2.4) 

chemical reaction a change in which one or more reactants 
change into one or more products; characterized by the 
breaking of bonds in reactants and the formation of bonds 
in products (2.4) 

chemical symbol a one- or two-letter representation of an 
element (2.3) 

chemistry the study of the composition of matter and the 
changes that matter undergoes (1.1) 

cis configuration the configuration in which substituent 
groups are on the same side of a double bond (22.3) 

coefficient a small whole number that appears in front of a 
formula in a balanced chemical equation (11.1) 

coenzyme a small organic molecule or metal ion necessary 
for an enzyme’s biological activity (24.3) 

colligative property a property of a solution that depends 
only upon the number of solute particles, and not upon 
their identities; boiling-point elevation, freezing-point 
depression, and vapor-pressure lowering are colligative 
properties (16.3) 

collision theory atoms, ions, and molecules can react to form 
products when they collide, provided that the particles 
have enough kinetic energy (18.1) 

colloid a mixture whose particles are intermediate in size 
between those of a suspension and a solution (15.3) 

combination reaction a chemical change in which two or 
more substances react to form a single new substance; also 
called a synthesis reaction (11.2) 

combined gas law the law that describes the relationship 
among the pressure, temperature, and volume of an 
enclosed gas (14.2) 

combustion reaction a chemical change in which an element 
or a compound reacts with oxygen, often producing energy 
in the form of heat and light (11.2) 

common ion an ion that is common to both salts in a solu¬ 
tion; in a solution of silver nitrate and silver chloride, Ag+ 
would be a common ion (18.3) 

common ion effect a decrease in the solubility of an ionic 
compound caused by the addition of a common ion (18.3) 

complete ionic equation an equation that shows dissolved 
ionic compounds as dissociated free ions (11.3) 

compound a substance that contains two or more elements 
chemically combined in a fixed proportion (2.3) 

compressibility a measure of how much the volume of mat¬ 
ter decreases under pressure (14.1) 

concentrated solution a solution containing a large amount 
of solute (16.2) 

concentration a measurement of the amount of solute that is 
dissolved in a given quantity of solvent; usually expressed 

asmol/L (16.2) 

condensed structural formula a structural formula that 
leaves out some bonds and/or atoms; the presence of these 
atoms or bonds is understood (22.1) 

conjugate acid the particle formed when a base gains a 
hydrogen ion; NH4+ is the conjugate acid of the base NH3 

(19.1) 

conjugate acid-base pair two substances that are related by 
the loss or gain of a single hydrogen ion; ammonia (NH3) 
and the ammonium ion (NH4+) are a conjugate acid-base 
pair (19.1) 

conjugate base the particle that remains when an acid has 
donated a hydrogen ion; OH~ is the conjugate base of the 
acid water (19.1) 

conversion factor a ratio of equivalent measurements used 
to convert a quantity from one unit to another (3.3) 

coordinate covalent bond a covalent bond in which one 
atom contributes both bonding electrons (8.2) 

coordination number the number of ions of opposite charge 
that surround each ion in a crystal (7.2) 

covalent bond a bond formed by the sharing of electrons 
between atoms (8.1) 

cracking the controlled process by which hydrocarbons are 
broken down or rearranged into smaller, more useful 
molecules (22.5) 

crystal a solid in which the atoms, ions, or molecules are 
arranged in an orderly, repeating, three-dimensional pat¬ 
tern called a crystal lattice (13.3) 

cyclic hydrocarbon an organic compound that contains a 
hydrocarbon ring (22.4) 

Dalton’s atomic theory the first theory to relate chemical 
changes to events at the atomic level (4.1) 

Dalton’s law of partial pressures at constant volume and 
temperature, the total pressure exerted by a mixture of 
gases is equal to the sum of the partial pressures of the 
component gases (14.4) 

decomposition reaction a chemical change in which a single 
compound is broken down into two or more simpler 
products (11.2) 

dehydrogenation reaction a reaction in which hydrogen is 
lost (23.3) 

deliquescent describes a substance that removes sufficient 
water from the air to form a solution; the solution formed 
has a lower vapor pressure than that of the water in the air 
(15.2) 

denatured alcohol ethanol to which a poisonous substance 
has been added to make it toxic (23.2) 

density the ratio of the mass of an object to its volume (3.4) 

dependent variable see responding variable 

desiccant a hygroscopic substance used as a drying agent (15.2) 

diatomic molecule a molecule consisting of two atoms (8.1) 

diffusion the tendency of molecules to move toward areas of 
lower concentration until the concentration is uniform 
throughout (14.4) 

dilute solution a solution that contains a small amount of 
solute (16.2) 

dimensional analysis a technique of problem-solving that 
uses the units that are part of a measurement to help solve 
the problem (3.3) 

dipole a molecule that has two poles, or regions, with oppo¬ 
site charges (8.4) 

dipole interactions intermolecular forces resulting from the 
attraction of oppositely charged regions of polar molecules 
(8.4) 
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diprotic acid any acid that contains two ionizable protons 
(hydrogen ions); sulfuric acid (H2S04) is a diprotic acid (19.1) 

disaccharide a carbohydrate formed from two monosaccha¬ 
ride units; common table sugar (sucrose) is a disaccharide 
(24.2) 

dispersion forces attractions between molecules caused by 
the electron motion on one molecule affecting the electron 
motion on the other through electrical forces; these are the 
weakest interactions between molecules (8.4) 

displacement reaction see single-replacement reaction 

distillation a process used to separate dissolved solids from a 
liquid, which is boiled to produce a vapor that is then con¬ 
densed into a liquid (2.2) 

double covalent bond a bond in which two atoms share two 
pairs of electrons (8.2) 

double-replacement reaction a chemical change that in¬ 
volves an exchange of positive ions between two 
compounds (11.2) 

dry cell a commercial voltaic cell in which the electrolyte is a 
moist paste; despite their name, the compact, portable 
batteries used in flashlights are dry cells (21.1) 

E 

effloresce to lose water of hydration; the process occurs when 
the hydrate has a vapor pressure higher than that of water 
vapor in the air (15.2) 

effusion the process that occurs when a gas escapes through 
a tiny hole in its container (14.4) 

electrical potential the ability of a voltaic cell to produce an 
electric current (21.2) 

electrochemical cell any device that converts chemical 
energy into electrical energy or electrical energy into 
chemical energy (21.1) 

electrochemical process the conversion of chemical energy 
into electrical energy or electrical energy into chemical 
energy; all electrochemical processes involve redox 
reactions (21.1) 

electrode a conductor in a circuit that carries electrons to or 
from a substance other than a metal (21.1) 

electrolysis a process in which electrical energy is used to 
bring about a chemical change; the electrolysis of water 
produces hydrogen and oxygen (21.3) 

electrolyte a compound that conducts an electric current 
when it is in an aqueous solution or in the molten state; all 
ionic compounds are electrolytes, but most covalent com¬ 
pounds are not (15.2) 

electrolytic cell an electrochemical cell used to cause a 
chemical change through the application of electrical 
energy (21.3) 

electromagnetic radiation energy waves that travel in a vac¬ 
uum at a speed of 2.998 x 10a m/s; includes radio waves, 
microwaves, infrared waves, visible light, ultraviolet waves, 
X-rays, and gamma rays (5.3) 

electron a negatively charged subatomic particle (4.2) 

electron configuration the arrangement of electrons of an 
atom in its ground state into various orbitals around the 
nuclei of atoms (5.2) 

electron dot structure a notation that depicts valence elec¬ 
trons as dots around the atomic symbol of the element; the 
symbol represents the inner electrons and atomic nucleus; 
also called Lewis dot structure (7.1) 

electronegativity the ability of an atom to attract electrons 
when the atom is in a compound (6.3) 

element the simplest form of matter that has a unique set of 
properties; an element cannot be broken down into sim¬ 
pler substances by chemical means (2.3) 

elementary reaction a reaction in which reactants are con¬ 
verted to products in a single step (18.5) 

empirical formula a formula with the lowest whole-number 
ratio of elements in a compound; the empirical formula of 
hydrogen peroxide (H202) is HO (10.3) 

emulsion the colloidal dispersion of one liquid in another 

(15.3) 

endothermic process a process that absorbs heat from the 
surroundings (17.1) 

end point the point in a titration at which the indicator 
changes color (19.4) 

energy the capacity for doing work or producing heat (3.2) 

energy level the specific energies an electron in an atom or 
other system can have (5.1) 

enthalpy (H) the heat content of a system at constant 

pressure (17.2) 

entropy (S) a measure of the disorder of a system; systems 
tend to go from a state of order (low entropy) to a state of 
maximum disorder (high entropy) (18.4) 

enzyme a protein that acts as a biological catalyst (24.3) 

enzyme-substrate complex the structure formed when a 
substrate molecule joins an enzyme at its active site (24.3) 

equilibrium constant {Keq) the ratio of product concentra¬ 
tions to reactant concentrations at equilibrium, with each 
concentration raised to a power equal to the number of 
moles of that substance in the balanced chemical equation 
(18.2) 

equilibrium position the relative concentrations of reactants 
and products of a reaction that has reached equilibrium; 
indicates whether the reactants or products are favored in 
the reversible reaction (18.2) 

equivalence point the point in a titration where the number 
of moles of hydrogen ions equals the number of moles of 
hydroxide ions (19.4) 

error the difference between the accepted value and the 
experimental value (3.1) 

ester a derivative of a carboxylic acid in which the —OH of 
the carboxyl group has been replaced by the —OR from an 
alcohol; the general formula is RCOOR (23.3) 

ether an organic compound in which oxygen is bonded to 
two carbon groups; the general formula is R—O—R (23.2) 

evaporation vaporization that occurs at the surface of a liq¬ 
uid that is not boiling (13.2) 

excess reagent a reagent present in a quantity that is more 
than sufficient to react with a limiting reagent; any reactant 
that remains after the limiting reagent is used up in a 
chemical reaction (12.3) 

exothermic process a process that releases heat to its 
surroundings (17.1) 

experiment a repeatable procedure that is used to test a 
hypothesis (1.3) 

experimental value a quantitative value measured during an 
experiment (3.1) 

extensive property a property that depends on the amount of 
matter in a sample (2.1) 
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fatty acid the name given to continuous-chain carboxylic 
acids that were first isolated from fats (23.3) 

fermentation the production of ethanol from sugars by the 
action of yeast or bacteria (23.2) 

film badge a radiation detection device that consists of 
several layers of photographic film covered with black 
lightproof paper, all encased in a plastic or metal holder 
(25.4) 

filtration a process that separates a solid from the liquid in a 
heterogeneous mixture (2.2) 

first-order reaction a reaction in which the reaction rate is 
proportional to the concentration of only one reactant 
(18.5) 

fission the splitting of a nucleus into smaller fragments, 
accompanied by the release of neutrons and a large 
amount of energy (25.3) 

formula unit the lowest whole-number ratio of ions in an 
ionic compound; in magnesium chloride, the ratio of mag¬ 
nesium ions to chloride ions is 1:2 and the formula unit is 
MgCL, (7.2) 

free energy the energy available to do work (18.4) 

freezing-point depression the difference in temperature 
between the freezing point of a solution and the freezing 
point of the pure solvent (16.3) 

frequency (v) the number of wave cycles that pass a given 
point per unit of time; frequency and wavelength are 
inversely proportional to each other (5.3) 

fuel cell a voltaic cell that does not need to be recharged; the 
fuel is oxidized to produce a continuous supply of electrical 
energy (21.1) 

functional group a specific arrangement of atoms in an 
organic compound that is capable of characteristic chemi¬ 
cal reactions; the chemistry of an organic compound is 
determined by its functional groups (23.1) 

fusion the process of combining nuclei to produce a nucleus 
of greater mass (25.3) 

G 

gamma ray a high-energy photon emitted by a radioisotope 
(25.1) 

gas a form of matter that takes the shape and volume of its 
container; a gas has no definite shape or volume (2.1) 

gas pressure results from the force exerted by a gas per unit 
surface area of an object; due to collisions of gas particles 
with the obj ect (13.1) 

Gay-Lussac’s law the pressure of a gas is directly proportional 
to the Kelvin temperature if the volume is constant (14.2) 

Geiger counter a device that uses a gas-filled metal tube to 
detect radiation (25.4) 

gene a segment of DNA that codes for a single peptide chain 

(24.5) 

genetic code the arrangement of bases in the code words in 
DNA; there are 61 triplet code words used to specify the 
amino acids in proteins plus 3 triplet code words that sig¬ 
nal “stop” after the protein synthesis is complete (24.5) 

geometric isomers compounds that have atoms in the same 
order, but differ in the orientation of groups around a dou¬ 
ble bond (22.3) 

Gibbs free-energy change (AG) the maximum amount of 
energy that can be coupled to another process to do useful 
work (18.4) 

glass transparent fusion product of inorganic materials that 
have cooled to a rigid state without crystallizing (13.3) 

Graham’s law of effusion the rate of effusion of a gas is 
inversely proportional to the square root of its molar 
mass; this relationship is also true for the diffusion of gases 
(14.4) 

gram (g) a metric mass unit equal to the mass of 1 cm3 of 
water at 4°C (3.2) 

ground state the lowest possible energy of an atom described 
by quantum mechanics (5.3) 

group a vertical column of elements in the periodic table; the 
constituent elements of a group have similar chemical and 
physical properties (4.3) 

H 

half-cell the part of a voltaic cell in which either oxidation or 
reduction occurs; it consists of a single electrode immersed 
in a solution of its ions (21.1) 

half-life (t1/2) the time required for one-half of the nuclei of a 
radioisotope sample to decay to products (25.2) 

half-reaction an equation showing either the oxidation or the 
reduction that takes place in a redox reaction (20.3) 

half-reaction method a method of balancing a redox 
equation by balancing the oxidation and reduction half¬ 
reactions separately before combining them into a bal¬ 
anced redox equation (20.3) 

halide ion a negative ion formed when a halogen atom gains 
an electron (7.1) 

halocarbon any member of a class of organic compounds 
containing covalently bonded fluorine, chlorine, bromine, 
or iodine (23.1) 

halogen a nonmetal in Group 7A of the periodic table (6.2) 

heat (q) energy that transfers from one object to another 
because of a temperature difference between the objects 
(17.1) 

heat capacity the amount of heat needed to increase the tem¬ 
perature of an object exactly 1°C (17.1) 

heat of combustion the heat of reaction for the complete 
burning of one mole of a substance (17.2) 

heat of reaction the enthalpy change for a chemical equation 
exactly as it is written (17.2) 

Heisenberg uncertainty principle it is impossible to know 
exactly both the velocity and the position of a particle at 
the same time (5.3) 

Henry’s law at a given temperature the solubility of a gas in a 
liquid is directly proportional to the pressure of the gas 
above the liquid (16.1) 

hertz (Hz) the unit of frequency, equal to one cycle per 
second (5.3) 

Hess’s law of heat summation if you add two or more ther¬ 
mochemical equations to give a final equation, then you 
also add the heats of reaction to give the final heat of 
reaction (17.4) 
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heterogeneous mixture a mixture that is not uniform in 
composition; components are not evenly distributed 
throughout the mixture (2.2) 

homogeneous mixture a mixture that is uniform in composi¬ 
tion; components are evenly distributed and not easily 
distinguished (2.2) 

homologous series a group of compounds in which there is a 
constant increment of change in molecular structure from 
one compound in the series to the next (22.1) 

Hund’s rule electrons occupy orbitals of the same energy in a 
way that makes the number or electrons with the same 
spin direction as large as possible (5.2) 

hybridization the mixing of several atomic orbitals to form 
the same total number of equivalent hybrid orbitals (8.3) 

hydrate a compound that has a specific number of water 
molecules bound to each formula unit (15.2) 

hydration reaction a reaction in which water is added to an 
alkene (23.2) 

hydrocarbon an organic compound that contains only car¬ 
bon and hydrogen (22.1) 

hydrogenation reaction a reaction in which hydrogen is 
added to a carbon-carbon double bond to give an alkane 
(23.2) 

hydrogen bonds attractive forces in which a hydrogen 
covalently bonded to a very electronegative atom is also 
weakly bonded to an unshared electron pair of another 
electronegative atom (8.4) 

hydrogen-ion acceptor a base, according to the Bransted- 
Lowry theory; ammonia acts as a base when it accepts 
hydrogen ions from water (19.1) 

hydrogen-ion donor an acid, according to the Brensted- 
Lowry theory (19.1) 

hydronium ion (H30+) the positive ion formed when a water 
molecule gains a hydrogen ion (19.1) 

hydroxide ion (OH") the negative ion formed when a water 
molecule loses a hydrogen ion (19.1) 

hydroxyl group the —OH functional group present in 
alcohols (23.2) 

hygroscopic a term describing salts and other compounds 
that remove moisture from the air (15.2) 

hypothesis a proposed explanation for an observation (1.3) 

ideal gas constant the constant in the ideal gas law with the 
symbolic and the value 8.31 (L-kPa)/(K-mol) (14.3) 

ideal gas law the relationship PV = nRT, which describes the 
behavior of an ideal gas (14.3) 

immiscible describes liquids that are insoluble in one 
another; oil and water are immiscible (16.1) 

independent variable see manipulated variable 

inhibitor a substance that interferes with the action of a 
catalyst (18.1) 

inner transition metal an element in the lanthanide or 
actinide series; the highest occupied s sublevel and nearby 
/ sublevel of its atoms generally contain electrons; also 
called inner transition element (6.2) 

inorganic chemistry the study of substances that, in general, 
do not contain carbon (1.1) 

intensive property a property that depends on the type of 
matter in a sample, not the amount of matter (2.1) 

intermediate a product of one of the steps in a reaction 
mechanism; it becomes a reactant in the next step (18.5) 

International System of Units (SI) the revised version of the 
metric system, adopted by international agreement in 1960 
(3.2) 

ion an atom or group of atoms that has a positive or negative 
charge (6.3) 

ionic bond the electrostatic attraction that binds oppositely 
charged ions together (7.2) 

ionic compound a compound composed of positive and neg¬ 
ative ions (7.2) 

ionization energy the energy required to remove an electron 
from an atom in its gaseous state (6.3) 

ionizing radiation radiation with enough energy to knock 
electrons off some atoms of a bombarded substance to 
produce ions (25.4) 

ion-product constant for water (Kw) the product of the con 
centrations of hydrogen ions and hydroxide ions in water; 
it is 1 X 10~i4at25°C (19.2) 

isomers compounds that have the same molecular formula 
but different molecular structures (22.3) 

isotopes atoms of the same element that have the same 
atomic number but different atomic masses due to a differ¬ 
ent number of neutrons (4.3) 

joule (]) the SI unit of energy; 4.184 J equal one calorie (3.2) 

Kelvin scale the temperature scale in which the freezing 
point of water is 273 K and the boiling point is 373 K; 0 K is 
absolute zero (3.2) 

ketone an organic compound in which the carbon of the car¬ 
bonyl group is joined to two other carbons; the general for¬ 
mula is RCOR (23.3) 

kilogram (kg) the mass of 1 L of water at 4°C; it is the base 
unit of mass in SI (3.2) 

kinetic energy the energy an object has because of its motion 
(13.1) 

kinetic theory a theory explaining the states of matter, based 
on the concept that all matter consists of tiny particles that 
are in constant motion (13.1) 

law of conservation of energy in any chemical or physical 
process, energy is neither created nor destroyed (17.1) 

law of conservation of mass in any physical change or chem¬ 
ical reaction, mass is conserved; mass can be neither cre¬ 
ated nor destroyed (2.4) 

law of definite proportions in samples of any chemical com¬ 
pound, the masses of the elements are always in the same 
proportion (9.5) 
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law of disorder it is a natural tendency of systems to move in 
the direction of maximum chaos or disorder (18.4) 

law of multiple proportions whenever two elements form 
more than one compound, the different masses of one 
element that combine with the same mass of the other 
element are in the ratio of small whole numbers (9.5) 

Le Chatelier’s principle when a stress is applied to a system 
in dynamic equilibrium, the system changes in a way that 
relieves the stress (18.2) 

Lewis acid any substance that can accept a pair of electrons 
to form a covalent bond (19.1) 

Lewis base any substance that can donate a pair of electrons 
to form a covalent bond (19.1) 

limiting reagent any reactant that is used up first in a chemi¬ 
cal reaction; it determines the amount of product that can 
be formed in the reaction (12.3) 

lipid a member of a large class of relatively water-insoluble 
organic compounds; fats, oils, and waxes are lipids (24.4) 

liquid a form of matter that flows, has a fixed volume, and an 
indefinite shape (2.1) 

liter (L) the volume of a cube measuring 10 centimeters on 
each edge (1000 cm3); it is the common unprefixed unit of 
volume in the metric system (3.2) 

M 

macroscopic describes the world of objects that are large 
enough to see with the unaided eye (1.2) 

manipulated variable the variable that is changed during an 
experiment; also called independent variable (1.3) 

mass a measure of the amount of matter that an object con¬ 
tains; the SI base unit of mass is the kilogram (2.1) 

mass number the total number of protons and neutrons in 
the nucleus of an atom (4.3) 

matter anything that has mass and occupies space (1.1) 

measurement a quantitative description that includes both a 
number and a unit (3.1) 

melting point (mp) the temperature at which a substance 
changes from a solid to a liquid; the melting point of water 

is 0°C (13.3) 

metabolism all the chemical reactions carried out by an 
organism; includes energy-producing (catabolism) reac¬ 
tions and energy-absorbing (anabolism) reactions (24.6) 

metal one of a class of elements that are good conductors of 
heat and electric current; metals tend to be ductile, mallea¬ 
ble, and shiny (6.1) 

metallic bond the force of attraction that holds metals 
together; it consists of the attraction of free-floating 
valence electrons for positively charged metal ions (7.3) 

metalloid an element that tends to have properties that are 
similar to those of metals and nonmetals (6.1) 

meter (m) the base unit of length in SI (3.2) 

microscopic describes the world of objects that can be seen 
only under magnification (1.2) 

miscible describes liquids that dissolve in one another in all 

proportions (16.1) 

mixture a physical blend of two or more substances that are 
not chemically combined (2.2) 

molal boiling-point elevation constant (Kb) the change in 
boiling point for a 1-molal solution of a nonvolatile molec¬ 

ular solute (16.4) 

molal freezing-point depression constant (Kf) the change in 
freezing point for a 1-molal solution of a nonvolatile 
molecular solute (16.4) 

molality (m) the concentration of solute in a solution ex¬ 
pressed as the number of moles of solute dissolved in 
1 kilogram (1000 g) of solvent (16.4) 

molar heat of condensation (A//cond) the amount of heat 
released by one mole of a vapor as it condenses to a liquid 
at a constant temperature (17.3) 

molar heat of fusion (ALffus) the amount of heat absorbed by 
one mole of a solid substance as it melts to a liquid at a 
constant temperature (17.3) 

molar heat of solidification (A//soiid) the amount of heat lost 
by one mole of a liquid as it solidifies at a constant 
temperature (17.3) 

molar heat of solution (ALTsoln) the enthalpy change caused 
by the dissolution of one mole of a substance (17.3) 

molar heat of vaporization (ALTvap) the amount of heat 
absorbed by one mole of a liquid as it vaporizes at a con¬ 
stant temperature (17.3) 

molarity (M) the concentration of solute in a solution 
expressed as the number of moles of solute dissolved in 
1 liter of solution (16.2) 

molar mass a term used to refer to the mass of a mole of any 
substance (10.1) 

molar volume the volume occupied by 1 mole of a gas at 
standard temperature and pressure (STP); 22.4 L (10.2) 

mole (mol) the amount of a substance that contains 6.02 X 

1023 representative particles of that substance (10.1) 

molecular compound a compound that is composed of 
molecules (8.1) 

molecular formula a chemical formula of a molecular com¬ 
pound that shows the kinds and numbers of atoms present 
in a molecule of a compound (8.1) 

molecular orbital an orbital that applies to the entire 
molecule (8.3) 

molecule a neutral group of atoms joined together by cova¬ 
lent bonds (8.1) 

mole fraction the ratio of the moles of solute in solution to 
the total number of moles of both solvent and solute (16.4) 

mole ratio a conversion factor derived from the coefficients 
of a balanced chemical equation interpreted in terms of 
moles (12.2) 

monatomic ion a single atom with a positive or negative 
charge resulting from the loss or gain of one or more 
valence electrons (9.1) 

monomer a simple molecule that repeatedly combines to 
form a polymer (23.4) 

monoprotic acid any acid that contains one ionizable proton 
(hydrogen ion); nitric acid (HN03) is a monoprotic acid 

(19.1) 

monosaccharide a carbohydrate consisting of one sugar 
unit; also called a simple sugar (24.2) 

N 

net ionic equation an equation for a reaction in solution 
showing only those particles that are directly involved in 
the chemical change (11.3) 

network solid a solid in which all of the atoms are covalently 
bonded to each other (8.4) 
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nuclear force an attractive force that acts between all nuclear 
particles that are extremely close together, such as protons 
and neutrons in a nucleus (25.2) 

neutralization reaction a reaction in which an acid and a 
base react in an aqueous solution to produce a salt and 
water (19.4) 

neutral solution an aqueous solution in which the concen¬ 
trations of hydrogen and hydroxide ions are equal; it has a 
pH of 7.0 (19.2) 

neutron a subatomic particle with no charge and a mass of 
1 amu; found in the nucleus of an atom (4.2) 

neutron absorption a process that decreases the number of 
slow-moving neutrons in a nuclear reactor; this is accom¬ 
plished by using control rods made of a material such as 
cadmium, which absorbs neutrons (25.3) 

neutron activation analysis a procedure used to detect trace 
amounts of elements in samples by bombarding the sam¬ 
ple with neutrons from a radioactive source (25.4) 

neutron moderation a process used in nuclear reactors to 
slow down neutrons so the reactor fuel captures them to 
continue the chain reaction (25.3) 

noble gas an element in Group 8A of the periodic table; the s 
and p sublevels of the highest occupied energy level are 
filled (6.2) 

nonelectrolyte a compound that does not conduct an elec¬ 
tric current in aqueous solution or in the molten state 
(15.2) 

nonmetal an element that tends to be a poor conductor of 
heat and electric current; nonmetals generally have prop¬ 
erties opposite to those of metals (6.1) 

nonpolar covalent bond a covalent bond in which the elec¬ 
trons are shared equally by the two atoms (8.4) 

nonspontaneous reaction a reaction that does not favor the 
formation of products at the specified conditions (18.4) 

normal boiling point the boiling point of a liquid at a pres¬ 
sure of 101.3 kPa or 1 atm (13.2) 

nucleic acid a polymer of ribonucleotides (RNA) or deoxyribo- 
nucleotides (DNA) found primarily in cell nuclei; nucleic 
acids play an important role in the transmission of heredi¬ 
tary characteristics, protein synthesis, and the control of cell 
activities (24.5) 

nucleotide one of the monomers that make up DNA and 
RNA; it consists of a nitrogen-containing base (a purine or 
pyrimidine), a sugar (ribose or deoxyribose), and a phos¬ 
phate group (24.5) 

nucleus the tiny, dense central portion of an atom, composed 
of protons and neutrons (4.2) 

observation information obtained through the senses; obser¬ 
vation in science often involves a measurement (1.3) 

octet rule atoms react by gaining or losing electrons so as to 
acquire the stable electron structure of a noble gas, usually 
eight valence electrons (7.1) 

optical isomers molecules that differ from one another in the 
way that four different groups are arranged around a car¬ 
bon atom (22.3) 

organic chemistry the study of compounds containing 
carbon (1.1) 

oxidation a process that involves complete or partial loss of 
electrons or a gain of oxygen; it results in an increase in the 
oxidation number of an atom (20.1) 

oxidation number a positive or negative number assigned to 
an atom to indicate its degree of oxidation or reduction; 
the oxidation number of an uncombined element is zero 
(20.2) 

oxidation-number-change method a method of balancing a 
redox equation by comparing the increases and decreases 
in oxidation numbers (20.3) 

oxidation-reduction reaction a reaction that involves the 
transfer of electrons between reactants (20.1) 

oxidizing agent the substance in a redox reaction that 
accepts electrons; in the reaction, the oxidizing agent is 
reduced (20.1) 

partial pressure the contribution each gas in a mixture of 
gases makes to the total pressure (14.4) 

pascal (Pa) the SI unit of pressure (13.1) 

Pauli exclusion principle an atomic orbital may describe at 
most two electrons, each with opposite spin direction (5.2) 

peptide an organic compound formed by a combination of 
amino acids in which the amino group of one acid is united 
with the carboxyl group of another through an amide bond 
(24.3) 

peptide bond the bond between the carbonyl group of one 
amino acid and the nitrogen of the next amino acid in the 
peptide chain; the structure is 

O H 
II I 

—C—N— 

(24.3) 

percent composition the percent by mass of each element in 
a compound (10.3) 

percent error the percent that a measured value differs from 
the accepted value (3.1) 

percent yield the ratio of the actual yield to the theoretical 
yield for a chemical reaction expressed as a percentage; a 
measure of the efficiency of a reaction (12.3) 

period a horizontal row of elements in the periodic table 
(4.3) 

periodic law when the elements are arranged in order of 
increasing atomic number, there is a periodic repetition of 
their physical and chemical properties (6.1) 

periodic table an arrangement of elements in which the ele¬ 
ments are separated into groups based on a set of repeat¬ 
ing properties (4.3) 

PH a number used to denote the hydrogen-ion concentra¬ 
tion, or acidity, of a solution; it is the negative logarithm of 
the hydrogen-ion concentration of a solution (19.2) 

phase any part of a sample with uniform composition and 
properties (2.2) 

phase diagram a graph showing the conditions at which a 
substance exists as a solid, liquid, or vapor (13.4) 

phospholipid a lipid that contains a phosphate group; 
because phospholipids have hydrophilic heads and hydro- 
phobic tails, they form the lipid bilayers found in cell 
membranes (24.4) 
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photon a quantum of light; a discrete bundle of electromag¬ 
netic energy that interacts with matter similarly to particles 
(5.3) 

photosynthesis the process by which green plants and algae 
use radiant energy from the sun to synthesize glucose from 
carbon dioxide and water (24.1) 

physical change a change during which some properties of a 
material change, but the composition of the material does 
not change (2.1) 

physical chemistry the area of chemistry that deals with the 
mechanism, the rate, and the energy transfer that occurs 
when matter undergoes a change (1.1) 

physical property a quality or condition of a substance that 
can be observed or measured without changing the sub¬ 
stance’s composition (2.1) 

pi bond ( jt bond) a covalent bond in which the bonding elec¬ 
trons are most likely to be found in sausage-shaped regions 
above and below the bond axis of the bonded atoms (8.3) 

polar covalent bond (polar bond) a covalent bond between 
atoms in which the electrons are shared unequally (8.4) 

polar molecule a molecule in which one side of the molecule 
is slightly negative and the opposite side is slightly positive 
(8.4) 

pollutant a material found in air, water, or soil that is harmful 
to humans and other organisms (1.2) 

polyatomic ion a tightly bound group of atoms that behaves 
as a unit and has a positive or negative charge (8.2) 

polymer a very large molecule formed by the covalent bond¬ 
ing of repeating small molecules, known as monomers 
(23.4) 

polypeptide a peptide with more than 10 amino acids (24.3) 

polysaccharide a complex carbohydrate polymer formed by 
the linkage of many monosaccharide monomers; starch, 
glycogen, and cellulose are polysaccharides (24.2) 

positron a particle with the mass of an electron but a positive 
charge (25.2) 

precipitate a solid that forms and settles out of a liquid 
mixture (2.4) 

precision describes the closeness, or reproducibility, of a set 
of measurements taken under the same conditions (3.1) 

product a substance produced in a chemical reaction (2.4) 

protein any peptide with more than 100 amino acids (24.3) 

proton a positively charged subatomic particle found in the 
nucleus of an atom (4.2) 

pure chemistry the pursuit of chemical knowledge for its 
own sake (1.1) 

pure substance see substance 

quantum the amount of energy needed to move an electron 
from one energy level to another (5.1) 

quantum mechanical model the modern description, pri¬ 
marily mathematical, of the behavior of electrons in atoms 

(5.1) 

R 

radiation the penetrating rays and particles emitted by a 
radioactive source (25.1) 

radioactivity the process by which nuclei emit particles and 
rays (25.1) 

radioisotope an isotope that has an unstable nucleus and 
undergoes radioactive decay (25.1) 

rate describes the speed of change over an interval of time 
(18.1) 

rate law an expression relating the rate of a reaction to the 
concentration of the reactants (18.5) 

reactant a substance present at the start of a reaction (2.4) 

reaction mechanism a series of elementary reactions that 
take place during the course of a complex reaction (18.5) 

redox reaction another name for an oxidation-reduction 
reaction (20.1) 

reducing agent the substance in a redox reaction that 
donates electrons; in the reaction, the reducing agent is 
oxidized (20.1) 

reduction a process that involves a complete or partial gain 
of electrons or the loss of oxygen; it results in a decrease in 
the oxidation number of an atom (20.1) 

reduction potential a measure of the tendency of a given 
half-reaction to occur as a reduction (gain of electrons) in 
an electrochemical cell (21.2) 

representative element an element in an “A” group in the 
periodic table; as a group these elements display a wide 
range of physical and chemical properties. In their atoms, 
the s and p sublevels in the highest occupied energy level 
are partially filled (6.2) 

representative particle the smallest unit into which a sub¬ 
stance can be broken down without a change in composi¬ 
tion, usually atoms, molecules, or ions (10.1) 

resonance structure one of the two or more equally valid 
electron dot structures of a molecule or polyatomic ion 
(8.2) 

responding variable the variable that is observed during an 
experiment; also called dependent variable (1.3) 

reversible reaction a reaction in which the conversion of 
reactants into products and the conversion of products 
into reactants occur simultaneously (18.2) 

s 

salt bridge a tube containing a strong electrolyte used to sep¬ 
arate the half-cells in a voltaic cell; it allows the passage of 
ions from one half-cell to the other but prevents the solu¬ 
tions from mixing completely (23.1) 

salt hydrolysis a process in which the cations or anions of a 
dissociated salt accept hydrogen ions from water or donate 
hydrogen ions to water (19.5) 

saponification the hydrolysis of fats or oils by a hot aqueous 
alkali-metal hydroxide; soaps are made by saponification 
(24.4) 

saturated compound an organic compound in which all car¬ 
bon atoms are joined by single covalent bonds; it contains 
the maximum number of hydrogen atoms per carbon 
atom (22.2) 
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saturated solution a solution containing the maximum 
amount of solute for a given amount of solvent at a con¬ 
stant temperature and pressure; an equilibrium exists 
between undissolved solute and ions in solution (16.1) 

scientific law a concise statement that summarizes the 
results of many observations and experiments (1.3) 

scientific method a logical, systematic approach to the solu¬ 
tion of a scientific problem; steps in the scientific method 
include making observations, testing hypotheses, and 
developing theories (1.3) 

scientific notation an expression of numbers in the form 
m X 10", where m is equal to or greater than 1 and less than 
10, and n is an integer (3.1) 

scintillation counter a device that uses a phosphor-coated 
surface to detect radiation (25.4) 

self-ionization a term describing the reaction in which two 
water molecules react to produce ions (19.2) 

sigma bond (cr bond) a bond formed when two atomic orbit¬ 
als combine for form a molecular orbital that is symmetri¬ 
cal around the axis connecting the two atomic nuclei (8.3) 

significant figures all the digits that can be known precisely 
in a measurement, plus a last estimated digit (3.1) 

single covalent bond a bond formed when two atoms share a 
pair of electrons (8.2) 

single-replacement reaction a chemical change in which 
one element replaces a second element in a compound; 
also called a displacement reaction (11.2) 

skeleton equation a chemical equation that does not indi¬ 
cate the relative amounts of reactants and products (11.1) 

solid a form of matter that has a definite shape and volume 
(2.1) 

solubility the amount of a substance that dissolves in a given 
quantity of solvent at specified conditions of temperature 
and pressure to produce a saturated solution (16.1) 

solubility product constant (Ksp) an equilibrium constant 
applied to the solubility of electrolytes; it is equal to the 
product of the concentrations of the ions each raised to a 
power equal to the coefficient of the ion in the dissociation 
equation (18.3) 

solute dissolved particles in a solution (15.2) 

solution a homogeneous mixture; consists of solutes dis¬ 
solved in a solvent (2.2) 

solvation a process that occurs when an ionic solute dis¬ 
solves; in solution, solvent molecules surround the positive 
and negative ions. (15.2) 

solvent the dissolving medium in a solution (15.2) 

specific heat the amount of heat needed to increase the tem¬ 
perature of 1 g of a substance 1°C; also called specific heat 
capacity (17.1) 

specific rate constant a proportionality constant relating the 
concentrations of reactants to the rate of the reaction 
(18.5) 

spectator ion an ion that is not directly involved in a chemi¬ 
cal reaction; an ion that does not change oxidation number 
or composition during a reaction (11.3) 

spectrum wavelengths of visible light that are separated 
when a beam of light passes through a prism; range of 
wavelengths of electromagnetic radiation (5.3) 

spontaneous reaction a reaction that favors the formation of 
products at the specified conditions; spontaneity depends 
on enthalpy and entropy changes (18.4) 

standard atmosphere (atm) a unit of pressure; it is the pres¬ 
sure required to support 760 mm of mercury in a mercury 
barometer at 25°C (13.1) 

standard cell potential (E°ell) the measured cell potential 
when the ion concentration in the half-cells are LOOM at 
1 atm of pressure and 25°C (21.2) 

standard heat of formation (AHf°) the change in enthalpy 
that accompanies the formation of one mole of a com¬ 
pound from its elements with all substances in their stan¬ 
dard states at 25°C (17.4) 

standard hydrogen electrode an arbitrary reference elec¬ 
trode (half-cell) used with another electrode (half-cell) to 
measure the standard reduction potential of that cell; the 
standard reduction potential of the hydrogen electrode is 
assigned a value of 0.00 V (21.2) 

standard solution a solution of known concentration used in 
carrying out a titration (19.4) 

standard temperature and pressure (STP) the conditions 
under which the volume of a gas is usually measured; 
standard temperature is 0°C, and standard pressure is 
101.3 kPa, or 1 atmosphere (atm) (10.2) 

stereoisomers molecules that have atoms in the same order, 
but which differ in the arrangement of the atoms in space 
(22.3) 

stoichiometry that portion of chemistry dealing with numer¬ 
ical relationships in chemical reactions; the calculation of 
quantities of substances involved in chemical equations 
(12.1) 

straight-chain alkane a saturated hydrocarbon that contains 
any number of carbon atoms arranged one after the other 
in a chain (22.1) 

strong acid an acid that is completely (or almost completely) 
ionized in aqueous solution (19.3) 

strong base a base that completely dissociates into metal 
ions and hydroxide ions in aqueous solution (19.3) 

strong electrolyte a solution in which a large portion of the 
solute exists as ions (15.2) 

structural formula a chemical formula that shows the 
arrangement of atoms in a molecule or a polyatomic ion; 
each dash between a pair of atoms indicates a pair of 
shared electrons (8.2) 

structural isomers compounds that have the same molecu¬ 
lar formula, but whose atoms are bonded in a different 
order (22.3) 

sublimation the process in which a solid changes to a gas or 
vapor without passing through the liquid state (13.4) 

substance matter that has a uniform and definite composi¬ 
tion; either an element or a compound; also called pure 
substance (2.1) 

substituent an atom or group of atoms that can take the 
place of a hydrogen atom on a parent hydrocarbon 
molecule (22.1) 

substitution reaction a common type of organic reaction; 
involves the replacement of an atom or group of atoms by 
another atom or group of atoms (23.1) 

substrate a molecule on which an enzyme acts (24.3) 

supersaturated solution a solution that contains more solute 
than it can theoretically hold at a given temperature; excess 
solute precipitates if a seed crystal is added (16.1) 

surface tension an inward force that tends to minimize the 
surface area of a liquid; it causes the surface to behave as if 
it were a thin skin (15.1) 
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surfactant any substance that interferes with the hydrogen 
bonding between water molecules and thereby reduces 
surface tension; soaps are surfactants. (15.1) 

surroundings everything in the universe outside of the 
system (17.1) 

suspension a mixture from which some of the particles settle 
out slowly upon standing (15.3) 

synthesis reaction see combination reaction 

system a part of the universe on which you focus your 
attention (17.1) 

technology the means by which a society provides its mem¬ 
bers with those things needed and desired (1.1) 

temperature a measure of the average kinetic energy of parti¬ 
cles in matter; temperature determines the direction of 
heat transfer (3.2) 

tetrahedral angle a bond angle of 109.5° that results when a 
central atom forms four bonds directed toward the center 
of a regular tetrahedron (8.3) 

theoretical yield the amount of product that could form 
during a reaction calculated from a balanced chemical 
equation; it represents the maximum amount of product 
that could be formed from a given amount of reactant 
(12.3) 

theory a well-tested explanation for a broad set of observa¬ 
tions (1.3) 

thermochemical equation a chemical equation that includes 
the enthalpy change (17.2) 

thermochemistry the study of energy changes that occur 
during chemical reactions and changes in state (17.1) 

titration process used to determine the concentration of a 
solution (often an acid or base) in which a solution of 
known concentration (the standard) is added to a mea¬ 
sured amount of the solution of unknown concentration 
until an indicator signals the end point (19.4) 

trans configuration the configuration in which substituent 
groups are on the opposite sides of a double bond (22.3) 

transition metal one of the Group B elements in which the 
highest occupied s sublevel and a nearby d sublevel gener¬ 
ally contain electrons (6.2) 

transition state a term sometimes used to refer to the acti¬ 
vated complex (18.1) 

transmutation the conversion of an atom of one element to 
an atom of another element (25.2) 

transuranium element any elements in the periodic table 
with atomic number above 92, the atomic number of 
uranium (25.2) 

triglyceride an ester in which all three hydroxyl groups on a 
glycerol molecule have been replaced by long-chain fatty 
acids; fats are triglycerides (24.4) 

triple covalent bond a covalent bond in which three pairs of 
electrons are shared by two atoms (8.2) 

triple point the point on a phase diagram that represents the 
only set of conditions at which all three phases exist in 
equilibrium with one another (13.4) 

triprotic acid any acid that contains three ionizable protons 
(hydrogen ions); phosphoric acid (H;)P04) is a triprotic acid 

(19.1) 

Tyndall effect scattering of light by particles in a colloid or 
suspension, which causes a beam of light to become visible 

(15.3) 

u 

unit cell the smallest group of particles within a crystal that 
retains the geometric shape of the crystal (13.3) 

unsaturated solution a solution that contains less solute 
than a saturated solution at a given temperature and 
pressure (16.1) 

unsaturated compound an organic compound with one or 
more double or triple carbon-carbon bonds (22.2) 

unshared pair a pair of valence electrons that is not shared 
between atoms (8.2) 

V 

vacuum a space where no particles of matter exist (13.1) 

valence electron an electron in the highest occupied energy 
level of an atom (7.1) 

van der Waals forces the two weakest intermolecular 
attractions—dispersion interactions and dipole forces (8.4) 

vapor describes the gaseous state of a substance that is gen¬ 
erally a liquid or solid at room temperature (2.1) 

vaporization the conversion of a liquid to a gas or a vapor 
(13.2) 

vapor pressure a measure of the force exerted by a gas above 
a liquid in a sealed container; a dynamic equilibrium exists 
between the vapor and the liquid (13.2) 

voltaic cell an electrochemical cell used to convert chemical 
energy into electrical energy; the energy is produced by a 
spontaneous redox reaction (21.1) 

volume a measure of the space occupied by a sample of 
matter (2.1) 

VSEPR theory valence-shell electron-pair repulsion theory; 
because electron pairs repel, molecules adjust their shapes 
so that valence electron pairs are as far apart as possible 
(8.3) 

water of hydration water molecules that are an integral part 
of a crystal structure (15.2) 

wavelength (A) the distance between adjacent crests of a 
wave (5.3) 

wax an ester of a long-chain fatty acid and a long-chain 
alcohol (24.4) 

weak acid an acid that is only slightly ionized in aqueous 
solution (19.3) 

weak base a base that reacts with water to form the hydroxide 
ion and the conjugate acid of the base (19.3) 

weak electrolyte a solution that conducts electricity poorly 
because only a fraction of the solute exists as ions (15.2) 

weight a force that measures the pull of gravity on a given 
mass (3.2) 
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absolute zero/cero absoluto punto cero de la escala Kelvin 
de temperatura; equivale a -273.15°C (3.2) 

accepted value/valor aceptado cantidad que se usa por 
acuerdo general de la comunidad cientffica (3.1) 

accuracy/exactitud que tan cerca esta una medicion del 
valor real de lo que se mide (3.1) 

acid/acido compuesto que, en solucion, produce iones 
hidrogeno, cede iones hidrogeno o acepta pares de 
electrones (9.4) 

acid dissociation constant (K,)/constante de disociacion 
acida (KJ razon de la concentracion de la forma disociada 
de un acido a la concentracion de la forma no disociada; 
los acidos fuertes tienen valores Ka mas altos que los aci- 
dos debiles (19.3) 

acidic solution/solucion acida cualquier solucion en la que 
la concentracion de iones hidrogeno es mayor que la de 
iones hidroxido (19.2) 

activated complex/complejo activado acomodo inestable de 
atomos que existe momentaneamente en el punto mas 
alto de la barrera de energfa de activacion; estructura inter¬ 
media o de transition que se forma en el curso de una 
reaccion (18.1) 

activation energy/energia de activacion energfa minima que 
deben tener las partfculas para que, al chocar, reaccionen 
(18.1) 

active site/sitio activo hendidura o bolsa en una molecula de 
enzima, en la que embona el sustrato (molecula que reac- 
ciona); donde el sustrato se convierte en productos (24.3) 

activity series/serie de actividad lista de elementos en orden 
de actividad decreciente; la serie de actividad de los halo- 
genos es F, Cl, Br, I (11.2) 

actual yield/rendimiento real cantidad de producto que 
se forma cuando se lleva a cabo una reaccion en el 
laboratorio (12.3) 

addition reaction/reaccion de adicion reaccion en la que 
una sustancia se anade al doble enlace de un alqueno o al 
triple enlace de un alquino (23.2) 

adenosine triphosphate (ATP)/trifosfato de adenosina 
(ATP) molecula que transmite la energfa que necesitan las 
celulas de todos los seres vivos (24.6) 

alcohol/alcohol compuesto organico que posee un grupo 
—OH (hidroxilo); su estructura general es R—OH (23.2) 

aldehyde/aldehido compuesto organico en el que el carbono 
del grupo carbonilo esta unido a por lo menos un hidro- 
geno; su formula general es RCHO (23.3) 

aliphatic hydrocarbon/hidrocarburo alifatico cualquier alcano, 
alqueno o alquino de cadena lineal o cadena ramificada 
(22.3) 

alkali metal/metal alcalino cualquier metal del grupo 1A de 
la tabla periodica (6.2) 

alkaline earth metal/metal alcalinoterreo cualquier metal 
del grupo 2A de la tabla periodica (6.2) 

alkaline solution/solucion alcalina solution basica (19.2) 

alkane/alcano hidrocarburo que solo contiene enlaces covalen- 
tes sencillos; los alcanos son hidrocarburos saturados (22.1) 

alkene/alqueno hidrocarburo que contiene uno o mas 
enlaces dobles carbono-carbono; los alquenos son hidro¬ 
carburos insaturados (22.2) 

alkyl group/grupo alquilo un hidrocarburo sustituto; el 
grupo metilo (—CH3) es un grupo alquilo (22.1) 

alkyl halide/haluro de alquilo compuesto halocarbonado en 
el que uno o mas atomos de halogeno estan unidos a los 
atomos de carbono de una cadena alifatica (23.1) 

alkyne/alquino hidrocarburo que contiene un triple enlace 
carbono-carbono; los alquinos son hidrocarburos insatur¬ 
ados (22.2) 

allotrope/alotropo una de dos o mas formas moleculares 
distintas de un elemento en el mismo estado ffsico; el oxf- 
geno (02) y el ozono (03) son alotropos del elemento 
oxfgeno (13.3) 

alloy/aleacion mezcla formada por dos o mas elementos, 
donde al menos uno de ellos es un metal (7.3) 

alpha particle/partfcula alfa partfcula con carga positiva 
emitida por ciertos nucleos radiactivos; consta de dos pro¬ 
tones y dos neutrones, y es identica al nucleo de un atomo 
dehelio (25.1) 

amino acid/aminoacido compuesto organico que posee 
grupos amino (—NH2) y carboxilo (—COOH) en la misma 
molecula; las protefnas se forman a partir de los 
20 aminoacidos naturales (24.3) 

amorphous solid/solido amorfo describe un solido que 
carece de una estructura interna ordenada; denota un 
acomodo aleatorio de atomos (13.3) 

amphoteric/anfotero cifra que describe una sustancia que 
puede actuar como acido ytambien como base (19.1) 

amplitude/amplitud altura de la cresta de una onda (5.3) 

anabolism/anabolismo procesos de sfntesis dentro del 
metabolismo de las celulas; por lo regular, esos procesos 
requieren gasto de energfa (24.6) 

analytical chemistry/quimica analftica rama de la qufmica 
que se concentra en la composicion de la materia (1.1) 

anion/anion cualquier atomo o grupo de atomos que posee 
carga negativa (6.3) 

anode/anodo electrodo en el que hay oxidacion (21.1) 

applied chemistry/quimica aplicada investigaciones que 
tienen una meta o aplicacion practica (1.1) 

aqueous solution/solucion acuosa agua que contiene sus- 
tancias disueltas (15.2) 

aromatic compound/compuesto aromatico compuesto orga¬ 
nico que contiene un anillo bencenico u otro anillo con 
enlaces similares a los del benceno; los compuestos aroma- 
ticos tambien se conocen como arenos (22.4) 

aryl halide/haluro de arilo compuesto en el que uno o mas 
atomos de halogeno estan unidos a atomos de carbono de 
un anillo de areno (23.1) 

asymmetric carbon/carbono asimetrico atomo de carbono 
unido a cuatro atomos o grupos distintos (22.3) 
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atmospheric pressure/presion atmosferica presion ejercida 
por atomos y moleculas de la atmosfera que rodea a la 
Tierra y que resulta de los choques de dichas parti'culas con 
los objetos (13.1) 

atom/atomo parti'cula mas pequena de un elemento que 
conserva su identidad en una reaccion quimica (4.1) 

atomic emission spectrum/espectro de emision atomica 
patron que se forma cuando la luz atraviesa un prisma o 
una rejilla de diffaccion que la separa en las diferentes fre- 
cuencias de luz que condene (5.3) 

atomic mass/masa atomica promedio ponderado de las 
masas de los isotopos de un elemento (4.3) 

atomic mass unit (amu)/unidad de masa atomica (uma) 
unidad de masa igual a un doceavo de la masa de un atomo 
de carbono 12 (4.3) 

atomic number/numero atomico numero de protones que 
hay en el nucleo del atomo de un elemento (4.3) 

atomic orbital/orbital atomico expresion matematica que 
describe la probabilidad de hallar un electron en diversos 
lugares; se suele representar como la region del espacio en 
torno al nucleo donde hay una probabilidad elevada de 
hallar un electron (5.1) 

atomic radius/radio atomico mitad de la distancia entre los 
nucleos de dos atomos del mismo elemento cuando dichos 
atomos estan unidos (6.3) 

aufbau principle/principio de aufbau regia segun la cual los 
electrones primero ocupan los orbitales de energia mas 
baja (5.2) 

Avogadro's hypothesis/hipotesis de Avogadro volumenes 
iguales de gases a la misma temperatura y presion con- 
tienen el mismo numero de partfculas (10.2) 

Avogadro's number/numero de Avogadro numero de 
partfculas representativas contenidas en un mol de una 
sustancia; es igual a 6.02 X 1023 partfculas (10.1) 

balanced equation/ecuacion balanceada ecuacion quimica 
en la que se conserva la masa; cada lado de la ecuacion 
tiene el mismo numero de atomos de cada elemento 

(11.1) 
band of stability/banda de estabilidad region ocupada por 

los nucleos estables en un diagrama neutrones-protones 
(25.2) 

barometer/barometro instrumento que sirve para medir la 
presion atmosferica (13.1) 

base/base compuesto que, en solucion, produce iones 
hidroxido, acepta iones hidrogeno o cede pares de 
electrones (9.4) 

base dissociation constant (/<Th)/constante de disociacion 
basica (Kb) razon de la concentracion del acido combi- 
nado multiplicada por la concentracion del ion hidroxido, 
a la concentracion de la base (19.3) 

basic solution/solucion basica cualquier solucion en la que 
la concentracion de ion hidroxido es mayor que la concen- 
tracion de ion hidrogeno (19.2) 

battery/baterfa grupo de celdas voltaicas conectadas entre 

sf (21.1) 

beta particle/partfcula beta electron que se produce al 
descomponerse los neutrones de un atomo (25.1) 

binary compound/compuesto binario compuesto integrado 
por dos elementos; NaCl y A1,03 son compuestos binarios (9.2) 

biochemistry/bioqufmica rama de la quimica que se con- 
centra en los procesos que se dan en los organismos (1.1) 

biotechnology/biotecnologfa campo que aplica la ciencia a 
la realizacion de productos o procesos biologicos (1.2) 

boiling point (bp)/punto de ebuliicion (p. eb.) temperatura 
en la que la presion de vapor de un lfquido es apenas igual 
a la presion externa sobre el lfquido (13.2) 

boiling-point elevation/incremento del punto de ebuliicion 
diferencia de temperatura entre el punto de ebuliicion de 
una solucion y el punto de ebuliicion del disolvente puro 
(16.3) 

bond dissociation energy/energfa de disociacion de enlaces 
energia requerida para romper el enlace entre dos atomos 
unidos de forma covalente; este valor suele expresarse en 
kj por mol de sustancia (8.2) 

bonding orbital/orbital de enlace orbital molecular que 
puede ser ocupado por los dos electrones de un enlace 
covalente (8.3) 

Boyle's law/ley de Boyle para una masa dada de gas a tem¬ 
peratura constante, el volumen del gas varfa en proporcion 
inversa con la presion (14.2) 

branched-chain alkane/alcano de cadena ramificada alcano 
con uno o mas grupos alquilo unidos a la estructura madre 
(22.1) 

Brownian motion/movimiento browniano movimiento 
caotico de partfculas coloidales, debido a los choques con 
las partfculas del disolvente en el que estan dispersas 
(15.3) 

buffer/solucion amortiguadora solucion cuyo pH per- 
manece relativamente constante si se le anaden pequenas 
cantidades de acido o base; una solucion amortiguadora 
puede ser una solucion de un acido debil y la sal de un 
acido debil o una solucion de una base debil y la sal de una 
base debil (19.5) 

buffer capacity/capacidad amortiguadora medida de la can- 
tidad de acido o base que se puede anadir a una solucion 
amortiguadora sin que haya un cambio importante del 
pH (19.5) 

c 

calorie (cal)/calorfa (cal) cantidad de calor necesaria para 
elevar 1°C la temperatura de 1 g de agua pura (3.2) 

calorimeter/calorfmetro aparato con material aislante que 
sirve para medir la absorcion o desprendimiento de calor 
durante procesos qufmicos o ffsicos (17.2) 

calorimetry/calorimetrfa medicion precisa del cambio del 
calor durante procesos qufmicos y ffsicos (17.2) 

carbohydrate/carbohidrato nombre dado a monomeros y 
polfmeros de aldehfdos y cetonas que tienen muchos gru¬ 
pos hidroxilo; los azucares y almidones son carbohidratos 
(24.2) 

carbonyl group/grupo carbonilo grupo funcional que con- 
siste en un atomo de carbono y uno de oxfgeno unidos por 
un doble enlace; se le encuentra en aldehfdos, cetonas, 
esteres y amidas (23.3) 

carboxyl group/grupo carboxilo grupo funcional que con- 
siste en un grupo carbonilo unido a un grupo hidroxilo; se 
le encuentra en los acidos carboxflicos (23.3) 

carboxylic acid/acido carboxflico acido organico que con- 
tiene un grupo carboxilo; su formula general es RCOOH 
(23.3) 
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catabolism/catabolismo reaccion, dentro de las celulas 
vivas, por la que diversas sustancias se descomponen y 
producen energfa (24.6) 

catalyst/catalizador sustancia que aumenta la velocidad de 
reaccion disminuyendo la barrera de energfa de activacion; 
el catalizador no se consume en la reaccion (11.1) 

cathode/catodo electrodo en el que hay reduccion (21.1) 

cathode ray/rayo catodico haz de electrones producido en el 
electrodo negativo (catodo) de un tubo que contiene un 
gas a baja presion (4.2) 

cation/cation cualquier atomo o grupo de atomos que posee 
carga positiva (6.3) 

cell potential/potencial de celda diferencia entre los poten- 
ciales de reduccion de dos medias celdas (21.2) 

Celsius scale/escala Celsius escala de temperatura en la que 
el punto de congelacion del agua es 0°C y el punto de ebu- 
llicion del agua es 100°C (3.2) 

Charles's law/ley de Charles el volumen de una masa fija de 
gas es directamente proporcional a su temperatura Kelvin 
si la presion se mantiene constante (14.2) 

chemical change/cambio qufmico cambio que produce 
materia con una composicion diferente que la de la mate¬ 
ria original (2.3) 

chemical equation/ecuacion qufmica expresion que repre- 
senta una reaccion qufmica; las formulas de los reactantes 
(a la izquierda) se unen mediante una flecha a las formulas 
de los productos (a la derecha) (11.1) 

chemical equilibrium/equilibrio qufmico estado de equili- 
brio en el que las velocidades de la reaccion hacia adelante 
y la reaccion inversa son iguales; no hay un cambio total en 
la cantidad de reactantes y productos en el sistema 
qufmico (18.2) 

chemical formula/formula qufmica expresion que indica el 
numero y tipo de atomos que estan presentes en la unidad 
mas pequena representativa de una sustancia (7.2) 

chemical potential energy/energfa potencial qufmica 
energfa almacenada en los enlaces qufmicos (17.1) 

chemical property/propiedad qufmica capacidad de una 
sustancia para sufrir un cambio qufmico especffico (2.4) 

chemical reaction/reaccion qufmica cambio en el que uno o 
mas reactantes se convierten en uno o mas productos; se 
caracteriza por la ruptura de enlaces en los reactantes y la 
formacion de enlaces en los productos (2.4) 

chemical symbol/sfmbolo qufmico representation de un 
elemento que emplea una o dos letras (2.3) 

chemistry/qufmica estudio de la composicion de la materia 
y los cambios que esta sufre (1.1) 

cis configuration/configuracion cis configuration en la cual 
los grupos sustitutos estan del mismo lado de un doble 
enlace (22.3) 

coefficient/coeficiente numero entero pequeno que aparece 
antepuesto a una formula en una ecuacion qufmica 
balanceada (11.1) 

coenzyme/coenzima pequena molecula organica o ion 
metalico que se requiere para que una enzima tenga activi- 
dad biologica (24.3) 

colligative property/propiedad coligativa propiedad de una 
solucion que depende unicamente del numero de partfcu- 
las de soluto, y no de su identidad; el incremento del punto 
de ebullition, la disminucion del punto de congelacion y 
el descenso de la presion de vapor son propiedades 
coligativas (16.3) 

collision theory/teorfa de choques los atomos, iones y 
moleculas pueden reaccionar para formar productos 
cuando chocan, siempre que las partfculas tengan sufi- 
ciente energfa cinetica (18.1) 

colloid/coloide mezcla cuyas partfculas tienen un tamano 
intermedio entre las de una suspension y una solucion 
(15.3) 

combination reaction/reaccion de combination cambio 
qufmico en el que dos o mas sustancias reaccionan para 
formar una sola sustancia nueva; tambien llamado reac¬ 
cion de sfntesis (11.2) 

combined gas law/ley combinada de los gases ley que 
describe las relaciones entre la presion, la temperatura y el 
volumen de un gas encerrado (14.2) 

combustion reaction/reaccion de combustion cambio 
qufmico en el que un elemento o un compuesto reacciona 
con oxfgeno y por lo regular produce energfa en forma de 
luzycalor (11.2) 

common ion/ion comun ion que es comun a dos sales 
disueltas en una solucion; en una solucion de nitrato de 
plata y cloruro de plata, Ag+ serfa un ion comun (18.3) 

common ion effect/efecto de ion comun disminucion en la 
solubilidad de un compuesto ioriico debida a la adicion de 
union comun (18.3) 

complete ionic equation/ecuacion ionica completa ecuacion 
que muestra los compuestos ionicos disueltos en forma de 
iones disociados fibres (11.3) 

compound/compuesto sustancia que contiene dos o mas 
elementos combinados qufmicamente en una proportion 
fija (2.3) 

compressibility/compresibilidad medida de cuanto disminuye 
el volumen de la materia cuando se le aplica presion (14.1) 

concentrated solution/solucion concentrada solucion que 
contiene una gran cantidad de soluto (16.2) 

concentration/concentracion medida de la cantidad de 
soluto que esta disuelto en una cantidad especffica de di- 
solvente; suele expresarse en mol/L (16.2) 

condensed structural formula/formula estructural condensada 
formula estructural que no muestra algunos enlaces y/o 
atomos; la presencia de estos enlaces o atomos se 
sobreentiende (22.1) 

conjugate acid/acido conjugado partfcula que se forma 
cuando una base gana un ion hidrogeno; NH4+ es el acido 
conjugado de la base NH3 (19.1) 

conjugate acid-base pair/par conjugado acido-base dos 
sustancias relacionadas entre sf por la perdida o ganancia 
de un solo ion hidrogeno; el amoniaco (NH3) y el ion amo- 
nio (NH„+) son un par conjugado acido-base (19.1) 

conjugate base/base conjugada partfcula que queda cuando 
un acido transfiere un ion hidrogeno; OH“ es la base con¬ 
jugada del acido agua (19.1) 

conversion factor/factor de conversion razon de medidas 
equivalentes usadas para convertir una cantidad de una 
unidad a otra (3.3) 

coordinate covalent bond/enlace covalente coordinado 
enlace covalente en el que un atomo aporta dos electrones 
de enlace (8.2) 

coordination number/numero de coordination numero de 
iones de carga opuesta que rodean a cada ion en un cristal 
(7.2) 

covalent bond/enlace covalente enlace que se forma cuando 
dos atomos comparten electrones (8.1) 
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cracking/pirolisis proceso controlado por el cual los hidro- 
carburos se descomponen o reacomodan para obtener 
moleculas mas pequenas y utiles (22.5) 

crystal/cristal solido en el que los atomos, iones o moleculas 
estan dispuestos en un patron tridimensional ordenado y 
repetitivo llamado red cristalina (13.3) 

cyclic hydrocarbon/hidrocarburo ciclico compuesto orga- 
nico que contiene un anillo de hidrocarburo (22.4) 

Dalton's atomic theory/teorfa atomica de Dalton primera 
teoria en relacionar los cambios quimicos con sucesos a 
nivelatomico (4.1) 

Dalton’s law of partial pressures/teorfa de Dalton de las pre¬ 
sumes parciales a volumen y temperatura constantes, la 
presion total ejercida por una mezcla de gases es igual a la 
suma de las presiones parciales de los gases componentes 
(14.4) 

decomposition reaction/reaccion de descomposicion cam- 
bio quimico en el que un solo compuesto se descompone 
en dos o mas productos mas simples (11.2) 

dehydrogenation reaction/reaccion de deshidrogenacion 
reaccion en la que se pierde hidrogeno (23.3) 

deliquescent/delicuescente termino que describe una sus- 
tancia que absorbe suficiente humedad del aire como para 
formar una solucion; la solucion formada tiene una presion 
de vapor mas baja que la de la humedad del aire (15.2) 

denatured alcohol/alcohol desnaturalizado etanol al que se 
ha anadido una sustancia venenosa para hacerlo toxico 
(23.2) 

density/densidad razon de la masa de un objeto a su volu¬ 
men (3.4) 

dependent variable/variable dependiente vease variable de 
respuesta 

desiccant/desecante sustancia higroscopica empleada como 
agente secante (15.2) 

diatomic molecule/molecula diatomica molecula que cons- 
ta de dos atomos (8.1) 

diffusion/difusion tendencia de las moleculas a moverse 
hacia areas de concentration mas baja hasta que la con- 
centracion es uniforme en todo el medio (14.4) 

dilute solution/solucion diluida solucion que contiene muy 
pocosoluto (16.2) 

dimensional analysis/analisis dimensional tecnica para 
resolver problemas que se apoya en las unidades de las 
mediciones para resolver el problema (3.3) 

dipole/dipolo molecula que tiene dos polos o regiones de 
carga opuesta (8.4) 

dipole interaction/interaccion dipolar fuerzas intermolecu- 
lares que resultan de la atraccion de regiones de moleculas 
polares que tienen cargas opuestas (8.4) 

diprotic acid/acido diprotico cualquier acido que contenga 
dos protones (iones hidrogeno) ionizables; el acido 
sulfurico (H2S04) es un acido diprotico (19.1) 

disaccharide/disacarido carbohidrato formado por dos 
unidades de monosacarido; el azucar de mesa comun (sa- 
carosa) es un disacarido (24.2) 

dispersion forces/fuerzas de dispersion atracciones entre 
moleculas que se dan cuando el movimiento de los elec- 
trones de una molecula afecta el movimiento de los 
electrones de la otra mediante fuerzas electricas; se trata de 
las interacciones mas debiles entre moleculas (8.4) 

displacement reaction/reaccion de desplazamiento vease 
reaccion de sustitucion sencilla 

distillation/destilacion proceso empleado para separar soli- 
dos disueltos de un lfquido, el cual se hace hervir para pro- 
ducir un vapor que despues se condensa para convertirlo 
en lfquido (2.2) 

double covalent bond/enlace covalente doble enlace en el 
que dos atomos comparten dos pares de electrones (8.2) 

double-replacement reaction/reaccion de sustitucion doble 
cambio quimico que implica un intercambio de iones posi¬ 
tives entre dos compuestos (11.2) 

dry cell/pila seca celda voltaica comercial en la que, a pesar 
del nombre, el electrolito es una pasta humeda; las baterfas 
compactas y portables que se usan en las linternas son 
pilassecas (21.1) 

E 

effloresce/eflorecerse perder agua de hidratacion; el proceso 
se presenta cuando la presion de vapor del hidrato es mas 
alta que la del vapor de agua en el aire (15.2) 

effusion/efusion proceso en el cual un gas escapa por un 
agujero diminuto en su recipiente (14.4) 

electrical potential/potencial electrico capacidad de una 
celda voltaica para producir corriente electrica (21.2) 

electrochemical cell/celda electroqufmica cualquier dispo- 
sitivo que convierte energfa qufmica en energfa electrica o 
energfa electrica en energfa qufmica (21.1) 

electrochemical process/proceso electroqufmico conver¬ 
sion de energfa qufmica en energfa electrica o energfa elec¬ 
trica en energfa qufmica; en todos los procesos electro- 
qufmicos intervienen reacciones redox (21.1) 

electrode/electrodo en un circuito, un conductor que trans¬ 
porta electrones hacia o desde una sustancia que no es un 
metal (21.1) 

electrolysis/electrolisis proceso en el que se usa energfa 
electrica para realizar un cambio quimico; la electrolisis 
del agua produce hidrogeno y oxfgeno (21.3) 

electrolyte/electrolito compuesto que conduce una corriente 
electrica cuando esta en solucion acuosa o derretido; todos 
los compuestos ionicos son electrolitos, pero muy pocos 
compuestos covalentes lo son (15.2) 

electrolytic cell/celda electrolftica celda electroqufmica que 
se usa para efectuar un cambio quimico mediante la apli- 
cacion de energfa electrica (21.3) 

electromagnetic radiation/radiacion electromagnetica ondas 
de energfa que viajan en el vaefo a una velocidad de 2.998 X 

108 m/s; incluye las ondas de radio, microondas, ondas 
infrarrojas, luz visible, ondas ultravioleta, rayos X y rayos 
gamma (5.3) 

electron/electron partfcula subatomica con carga negativa 
(4.2) 

electron conflguration/confignracidn electronica distribucion 
de los electrones de un atomo en su estado basal, en diversos 
orbitales alrededor del nucleo del atomo (5.2) 
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electron dot structure/estructura electron-punto notation 
que muestra los electrones de Valencia como puntos alre- 
dedor del sfmbolo atomico del elemento; el si'mbolo repre- 
senta los electrones internos y el nucleo atomico; tambien 
se conoce como estructura de puntos de Lewis (7.1) 

electronegativity/electronegatividad capacidad de un atomo 
para atraer electrones cuando el atomo esta en un com- 
puesto (6.3) 

element/elemento forma mas simple de materia que posee 
un conjunto unico de propiedades; un elemento no puede 
descomponerse en sustancias mas simples usando meto- 
dosqufmicos (2.3) 

elementary reaction/reaccion basica reaccion en la que los 
reactantes se convierten en productos en un solo paso 
(18.5) 

empirical formula/formula empirica formula que muestra 
las proporciones de los elementos en un compuesto con 
los numeros enteros mas pequenos posibles; la formula 
empirica del peroxido de hidrogeno (H202) es HO (10.3) 

emulsion/emulsion dispersion coloidal de un lfquido en 
otro (15.3) 

endothermic process/proceso endotermico proceso en el 
que se absorbe calor del entorno (17.1) 

end point/punto final punto de una valoracion qufmica en 
que el indicador cambia de color (19.4) 

energy/energia capacidad para efectuar trabajo o producir 
calor (3.2) 

energy level/nivel energetico las energi'as especfficas que 
puede tener un electron en un atomo u otro sistema (5.1) 

enthalpy (//j/entalpia (H) cantidad de calor en un sistema a 
presion constante (17.2) 

entropy (S)/entropia (S) medida del desorden de un sistema; 
los sistemas tienden a pasar de un estado ordenado (baja 
entropia) a un estado de maximo desorden (alta entropia) 
(18.4) 

enzyme/enzima protefna que actua como catalizador 
biologico (24.3) 

enzyme-substrate complex/complejo enzima-sustrato estruc¬ 
tura que se forma cuando una molecula de sustrato se une a 
una enzima en su sitio activo (24.3) 

equilibrium constant (Keq)/constante de equilibrio (Kcq) 
razon de las concentraciones de los productos a las con- 
centraciones de los reactantes en el equilibrio, con cada 
concentracion elevada a una potencia igual al numero 
de moles de esa sustancia en la ecuacion qufmica 
balanceada (18.2) 

equilibrium position/posicion de equilibrio las concentra¬ 
ciones relativas de reactantes y productos de una reaccion 
que ha alcanzado el equilibrio; indica si se favorecen los 
reactantes o productos en la reaccion reversible (18.2) 

equivalence point/punto de equivalencia punto de una 
valoracion qufmica en la que el numero de moles de iones 
hidrogeno es igual al numero de moles de iones hidroxido 
(19.4) 

error/error diferencia entre el valor aceptado y el valor 
experimental (3.1) 

ester/ester derivado de un acido carboxflico en el que el 
—OH del grupo carboxilo ha sido sustituido por el —OR de 
un alcohol; la formula general es RCOOR (23.3) 

ether/eter compuesto organico en el que el oxfgeno esta 
unido a dos grupos carbono; la formula general es 
R—O—R (23.2) 

evaporation/evaporacion vaporizacion que se da en la 
superficie de un liquido que no esta en ebullicion (13.2) 

excess reagent/reactivo excesivo reactivo que esta presente 
en una cantidad mas que suficiente para reaccionar con un 
reactivo limitante; cualquier reactante que queda despues 
de que se ha usado todo el reactivo limitante en una reac- 
cion qufmica (12.3) 

exothermic process/proceso exotermico proceso en el que 
se desprende calor hacia el entorno (17.1) 

experiment/experimento procedimiento repetido que sirve 
para probar una hipotesis (1.3) 

experimental value/valor experimental valor cuantitativo 
que se mide durante un experimento (3.1) 

extensive property/propiedad extensiva propiedad que 
depende de la cantidad de materia en una muestra (2.1) 

fatty acid/acido graso nombre que se da a los acidos car- 
boxflicos de cadena continua que se aislaron original- 
mente de las grasas (23.3) 

fermentation/fermentacion production de etanol a partir de 
azucares por la accion de levaduras o bacterias (23.2) 

film badge/placa de pelfcula dispositivo para detectar radi- 
acion que consta de varias capas de pelfcula fotografica 
cubiertas con papel negro opaco, todo envuelto en un 
estuche de plastico o metal (25.4) 

filtration/filtracidn proceso para separar un solido de un 
liquido en una mezcla heterogenea (2.2) 

first-order reaction/reaccion de primer orden reaccion cuya 
velocidad de reaccion es proporcional a la concentracion 
de un solo reactante (18.5) 

fission/fision division de un nucleo en fragmentos mas 
pequenos, acompanada por desprendimiento de neu- 
trones y una gran cantidad de energfa (25.3) 

formula unit/unidad de formula razon mas baja, expresada 
en numeros enteros, de los iones de un compuesto ionico; 
en el cloruro de magnesio, la razon de iones magnesio a 
iones cloruro es de 1:2, asf que la unidad de formula es 
MgCL (7.2) 

free energy/energfa fibre energfa que esta disponible para 
realizar trabajo (18.4) 

freezing-point depression/disminucion del punto de 
congelacion diferencia de temperatura entre el punto de 
congelacion de una solution y el del disolvente puro (16.3) 

frequency (v)/frecuencia (v) numero de ciclos de onda que 
pasan por un punto especffico en la unidad de tiempo; la 
frecuencia y la longitud de onda son inversamente 
proporcionales (5.3) 

fuel cell/celda de combustible celda voltaica que no necesita 
recargarse; el combustible se oxida para producir un su- 
ministro continuo de energfa electrica (21.1) 

functional group/grupo funcional distribution especffica de 
atomos en un compuesto organico que puede participar 
en reacciones qufmicas caracterfsticas; la qufmica de un 
compuesto organico esta determinada por sus grupos 
funcionales (23.1) 

fusion/fusidn proceso en el que se combinan nucleos para 
producir un nucleo con mayor masa (25.3) 
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gamma ray/rayo gamma foton de alta energia emitido por 
un radioisotopo (25.1) 

gas/gas estado de la materia que adopta la forma y el volu- 
men del recipiente que la contiene; los gases no tienen 
forma ni volumen definidos (2.1) 

gas pressure/presion de gas resultado de fuerza que ejerce 
un gas por unidad de area total de un objeto; se debe a los 
choques de las partlculas de gas contra el objeto (13.1) 

Gay-Lussac's law/ley de Gay-Lussac la presion de un gas es 
directamente proporcional a su temperatura Kelvin si se 
mantiene constante el volumen (14.2) 

Geiger counter/contador Geiger dispositivo que usa un tubo 
de metal lleno de gas para detectar radiation (25.4) 

gene/gen segmento de ADN que contiene el codigo para una 
sola cadena peptida (24.5) 

genetic code/cddigo genetico distribution de bases en las 
palabras de codigo del ADN; se usan 61 tripletes de pala- 
bras de codigo para especificar los aminoacidos de las pro- 
teinas, ademas de 3 tripletes de palabras de codigo que 
indican "parar" una vez que termina la sintesis de 
proteinas (24.5) 

geometric isomers/isdmeros geometricos compuestos que 
tienen atomos en el mismo orden, pero difieren en la 
orientation de los grupos alrededor de un enlace doble (22.3) 

Gibbs free-energy change (AGJ/cambio de energia libre de 
Gibbs (AG) cantidad maxima de energia que se puede 
acoplar a otro proceso para efectuar trabajo util (18.4) 

glass/vidrio producto transparente que resulta de la fusion 
de materiales inorganicos que se han enfriado hasta solidi- 
ficarse sin cristalizarse (13.3) 

Graham’s laws of effusion/leyes de efusion de Graham la 
velocidad de efusion de un gas es inversamente proporcio¬ 
nal a la raiz cuadrada de su masa molar; esta relation tam¬ 
bien se cumple en la difusion de gases (14.4) 

gram (g)/gramo (g) unidad metrica de masa igual a la masa 
de 1 cm3 de agua a 4°C (3.2) 

ground state/estado fundamental energia mas baja que 
puede tener un atomo descrito por la mecanica cuantica 
(5.3) 

group/grupo columna vertical de elementos en la tabla 
periodica; los elementos de un grupo tienen propiedades 
fisicas y quimicas similares (4.3) 

H 

half-cell/semicelda parte de una celda voltaica en la que se 
lleva a cabo la oxidation o reduction; consta de un solo 
electrodo sumergido en una solution de sus iones (21.1) 

half-life (f1/2)/semivida (t„2) tiempo que tarda en desinte- 
grarse la mitad de los nucleos de una muestra de un 
radioisotopo (25.2) 

half-reaction/semirreaccidn ecuacion que muestra la oxi¬ 
dation o bien la reduction que se da en una reaction 
redox (20.3) 

half-reaction method/mdtodo de semirreacci6n metodo 
para balancear una ecuacion redox equilibrando por 
separado las semirreacciones de oxidation y reduction 
antes de combinarlas para obtener una ecuacion redox 
balanceada (20.3) 

halide ion/ion haluro ion negativo que se forma cuando un 
atomo de halogeno gana un electron (7.1) 

halocarbon/compuesto halocarbonado cualquier miembro 
de una clase de compuestos organicos que contienen fluor, 
cloro, bromo o yodo unidos mediante enlaces covalentes 
(23.1) 

halogen/haldgeno no metal del grupo 7A de la tabla 
periodica (6.2) 

heat (qj/calor (q) energia que fluye de un objeto a otro 
debido a la diferencia de temperaturas entre los objetos 
(17.1) 

heat capacity/capacidad calorifica cantidad de calor nece- 
saria para elevar exactamente 1°C la temperatura de un 
objeto (17.1) 

heat of combustion/calor de combustidn calor de reaction 
al quemarse totalmente un mol de una sustancia (17.2) 

heat of reaction/calor de reaction cambio de calor corres- 
pondiente a una ecuacion quimica en la forma exacta en 
que esta escrita (17.2) 

Heisenberg uncertainty principle/principio de incertidum- 
bre de Heisenberg es imposible conocer con exactitud la 
velocidad y la position de una particula al mismo tiempo 
(5.3) 

Henry's law/ley de Henry a una temperatura determinada, la 
solubilidad de un gas en un liquido es directamente pro¬ 
porcional a la presion del gas sobre el liquido (16.1) 

hertz (Hz)/hertz (Hz) unidad de frecuencia, igual a un ciclo 
porsegundo (5.3) 

Hess's law of heat summation/ley de Hess de la suma de los 
calores ley segun la cual, si se suman dos o mas ecua- 
ciones termoquimicas para obtener una ecuacion final, 
tambien se suman los calores de reaction para obtener el 
calor de reaction final (17.4) 

heterogeneous mixture/mezcla heterogen ea mezcla cuya 
composition no es uniforme; sus componentes no estan 
distribuidos de forma equitativa en toda la mezcla (2.2) 

homogeneous mixture/mezcla homogenea mezcla cuya 
composition es uniforme; sus componentes estan distri¬ 
buidos de forma equitativa y no es facil distinguirlos (2.2) 

homologous series/serie homologa grupo de compuestos en 
el que se observa un incremento constante de cambio en la 
estructura molecular de un compuesto al siguiente (22.1) 

Hund's rule/regla de Hund los electrones ocupan orbitales 
de la misma energia haciendo que el nrimero de electrones 
cuyo espin tiene la misma direction sea lo mas grande 
posible (5.2) 

hybridization/hibridizacion combination de varios orbitales 
atomicos para formar el mismo niimero total de orbitales 
hibridos equivalentes (8.3) 

hydrate/hidrato compuesto que tiene un numero especifico 
de moleculas de agua unidas a cada unidad de formula 
(15.2) 

hydration reaction/reaction de hidratacidn reaction en la 
que se anade agua a un alqueno (23.2) 

hydrocarbon/hidrocarburo compuesto organico que con¬ 
tiene solo carbono e hidrogeno (22.1) 

hydrogenation reaction/reaccidn de hidrogenacion reac¬ 
tion en la que se anade hidrogeno a un doble enlace 
carbono-carbono para dar un alcano (23.2) 

hydrogen bonds/enlaces de hidrdgeno fuerzas de atraccion 
en las que un atomo de hidrogeno, unido por un enlace 
covalente a un atomo muy electronegativo, tambien se une 
debilmente a un par no compartido de electrones de otro 
atomo electronegativo (8.4) 
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hydrogen-ion acceptor/receptor de iones hidrogeno una 
base, segun la teoria de Bronsted-Lowry; el amoniaco 
actua como base cuando acepta iones hidrogeno del agua 
(19.1) 

hydrogen-ion donor/donador de iones hidrogeno un acido, 
segun la teoria de Bronsted-Lowry (19.1) 

hydronium ion (H30+)/ion hidronio (HsO+) ion positivo que 
se forma cuando una molecula de agua gana un ion 
hidrogeno (19.1) 

hydroxide ion (OH~)/ion hidroxido (OH-) ion negativo que 
se forma cuando una molecula de agua pierde un ion 
hidrogeno (19.1) 

hydroxyl group/grupo hidroxilo grupo funcional —OH pre¬ 
sente en los alcoholes (23.2) 

hygroscopic/higroscopico se llama asf a las sales y otros 
compuestos que absorben humedad del aire (15.2) 

hypothesis/hipotesis explicacion propuesta para una obser- 
vacion (1.3) 

ideal gas constant/constante del gas ideal constante de la ley 
del gas ideal; se representa con el simbolo R y tiene un 
valor de 8.31 (L-kPa)/(K-mol) (14.3) 

ideal gas law/ley del gas ideal relacion PV = nRT, que 
describe el comportamiento del gas ideal (14.3) 

immiscible/inmiscible se dice de los liquidos que son insolu¬ 
bles uno en el otro; el aceite y el agua son inmiscibles (16.1) 

independent variable/variable independiente vease variable 
manipulada 

inhibitor/inhibidor sustancia que interfiere la accion de un 
catalizador (18.1) 

inner transition metal/metal interno de transicion ele- 
mento de las series de los lantanidos o los actfnidos; el 
subnivel s mas alto ocupado y el subnivel/cercano de sus 
atomos contienen electrones; tambien se llama elemento 
interno de transicion (6.2) 

inorganic chemistry/qufmica inorganica estudio de sustan- 
cias que, en general, no contienen carbono (1.1) 

intensive property/propiedad intensiva propiedad que 
depende del tipo de materia de una muestra, no de la can- 
tidad de materia (2.1) 

intermediate/intermediario producto de uno de los pasos 
de un mecanismo de reaccion; se convierte en reactante en 
el siguiente paso (18.5) 

International System of Units (SI)/Sistema Internacional de 
Unidades (SI) version modificada del sistema metrico, 
adoptada por acuerdo internacional en 1960 (3.2) 

ion/ion atomo o grupo de atomos que tiene carga positiva o 
negativa (6.3) 

ionic bond/enlace ionico atraccion electrostatica que une a 
iones con carga opuesta (7.2) 

ionic compound/compuesto ionico compuesto formado por 
iones positivos y negativos (7.2) 

ionization energy/energfa de ionizacion energia necesaria 
para sacar un electron de un atomo en su estado gaseoso 
(6.3) 

ionizing radiation/radiacidn ionizante radiacion que tiene 
la energia suficiente para desprender electrones de 
algunos atomos de una sustancia bombardeada, pro- 
duciendo asi iones (25.4) 

ion-product constant for water {KJ/constante de producto 
de iones del agua (Kw) producto de las concentraciones de 
iones hidrogeno y de iones hidroxido del agua; es 1 X 10"14 
a 25°C (9.2) 

isomers/isomeros compuestos que tienen la misma formula 
molecular, pero diferentes estructuras moleculares (22.3) 

isotopes/isotopos atomos del mismo elemento que tienen el 
mismo numero atomico pero diferentes masas atomicas 
porque tienen distinto numero de neutrones (4.3) 

joule (J)/julio (J) unidad de energia en el SI; 4.184 J equivalen 
aunacaloria (3.2) 

K 

Kelvin scale/escala Kelvin escala de temperatura en la que el 
punto de congelation del agua es 273 K, y el de ebullicion, 
373 K; 0 K es el cero absoluto (3.2) 

ketone/cetona compuesto organico en el que el carbono del 
grupo carbonilo esta unido a otros dos carbonos: la for¬ 
mula general es RCOR (23.3) 

kilogram (kg)/kilogramo (kg) masa de 1 L de agua a 4°C; es la 
unidad base de masa en el SI (3.2) 

kinetic energy/energfa cinetica energia que tienen los obje- 
tos de acuerdo con su movimiento (13.1) 

kinetic theory/teorfa cinetica teoria que explica los estados 
de la materia basandose en el concepto de que toda la 
materia esta formada por pequenas particulas que estan 
en constante movimiento (13.1) 

law of conservation of energy/ley de conservacion de la 
energia ley segun la cual en ningun proceso quimico o 
fisico se crea ni se destruye energia (17.1) 

law of conservation of mass/ley de conservacion de la masa 
en cualquier cambio fisico o reaccion quimica, la masa se 
conserva; la masa no puede crearse ni destruirse (2.4) 

law of definite proportions/ley de las proporciones definidas 
en muestras de cualquier compuesto qm'mico, las masas 
de los elementos siempre estan en la misma proporcion 
(9.5) 

law of disorder/ley del desorden tendencia natural de los 
sistemas a desplazarse en la direction de maximo caos o 
desorden (18.4) 

law of multiple proportions/ley de las proporciones multiples 
siempre que dos elementos forman mas de un compuesto, 
las diferentes masas de un elemento que se combinan con 
la misma masa del otro elemento estan en razon de 
numeros enteros pequenos (9.5) 

Le Chatelier’s principle/principio de Le Chatelier cuando se 
aplica una tension a un sistema que esta en equilibrio 
dinamico, el sistema cambia a modo de aliviar dicha 
tension (18.2) 

Lewis acid/dcido de Lewis cualquier sustancia capaz de 
aceptar un par de electrones para formar un enlace 
covalente (19.1) 

R124 Spanish Glossary 



Lewis base/base de Lewis cualquier sustancia capaz de ceder 
un par de electrones para formar un enlace covalente 
(19.1) 

limiting reagent/reactivo limitante cualquier reactante que 
se haya consumido primero en una reaction qufmica; 
determina la cantidad de producto que se puede formar en 
la reaccion (12.3) 

lipid/lfpido miembro de una clase amplia de compuestos 
organicos relativamente insolubles en agua; las grasas, 
aceites y ceras son lfpidos (24.4) 

liquid/lfquido forma de materia que fluye; tiene volumen fijo 
pero forma indefinida (2.1) 

liter (L)/litro (L) volumen de un cubo cuyas aristas miden 10 
centfmetros cada una (1000 cm3); es la unidad comun de 
volumen en el sistema metrico (3.2) 

M 

macroscopic/macroscopico termino que describe el mundo 
de los objetos suficientemente grandes como para verse a 
simple vista (1.2) 

manipulated variable/variable manipulada variable que 
cambia durante un experimento; tambien se llama vari¬ 
able independiente (1.3) 

mass/masa medida de la cantidad de materia contenida en 
un objeto; la unidad base de masa en el SI es el kilogramo 
(2.1) 

mass number/numero de masa numero total de protones y 
neutrones que contiene el nucleo de un atomo (4.3) 

matter/materia todo lo que tiene masa yocupa espacio (1.1) 

measurement/medicion descripcion cuantitativa que incluye 
tantos numeros como unidades (3.1) 

melting point (mp)/punto de fusion (p.f.) temperatura a la 
que una sustancia cambia del estado solido al lfquido; el 
punto de fusion del agua es 0°C (13.3) 

metabolism/metabolismo todas las reacciones qufmicas lle- 
vadas a cabo por los organismos; incluyen reacciones que 
producen energfa (catabolismo) y reacciones que con- 
sumen energfa (anabolismo) (24.6) 

metal/metal miembro de una clase de elementos que son 
buenos conductores del calor y la electricidad; los metales 
suelen ser ductiles, maleables y brillantes (6.1) 

metallic bond/enlace metalico fuerza de atraccion que man- 
tiene unidos los atomos de un metal; se debe a la atraccion 
entre los electrones de Valencia, que flotan libremente, y 
los iones metalicos de carga positiva (7.3) 

metalloid/metaloide elemento cuyas propiedades son simi- 
lares a las de los metales y de los no metales (6.1) 

meter (m)/metro (m) unidad base de longitud en el SI (3.2) 

microscopic/microscopico termino que describe el mundo 
de los objetos que solo pueden verse con instrumentos 
amplificadores (1.2) 

miscible/miscible se les llama asf a los lfquidos que se disuel- 
ven uno en el otro en todas las proporciones (16.1) 

mixture/mezcla incorporation ffsica de dos o mas sustancias 
que no se combinan qufmicamente (2.2) 

molal boiling-point elevation constant (Xb)/constante molal 
de incremento del punto de ebullition (Kb) cambio en el 
punto de ebullition de una solucion 1-molal de un soluto 
molecular no volatil (16.4) 

molal freezing-point depression constant (IQ/constante 
molal de disminucion del punto de congelacion (iff) 
cambio en el punto de congelacion de una solucion 
1-molal de un soluto molecular no volatil (16.4) 

molality (m)/molalidad (m) concentration de soluto en una 
solucion expresada como el numero de moles de soluto 
disueltos en 1 kilogramo (1000 g) de disolvente (16.4) 

molar heat of condensation (AHcond)/calor molar de con¬ 
densation (AHcond) cantidad de calor que un mol de vapor 
desprende al condensarse, convirtiendose en lfquido, a 
temperatura constante (17.3) 

molar heat of fusion (A/L^)/calor molar de fusion (Af/tlis) 
cantidad de calor que un mol de una sustancia solida 
absorbe al fundirse, convirtiendose en lfquido, a tempe¬ 
ratura constante (17.3) 

molar heat of solidification (A//solid)/calor molar de solidifi¬ 
cation (AHsolli) cantidad de calor que un mol de un 
lfquido pierde al solidificarse a temperatura constante 
(17.3) 

molar heat of solution (ALfsoln)/calor molar de disolucion 
(AHsoin) cambio de calor debido a la disolucion de un mol 
de una sustancia (17.3) 

molar heat of vaporization (A/Lvap)/calor molar de vaporiza¬ 
tion (AHvap) cantidad de calor absorbida por un mol de un 
lfquido al evaporarse a temperatura constante (17.3) 

molarity (M)/molaridad (M) concentracion de soluto en una 
solucion expresada como el numero de moles de soluto 
disueltos en 1 litro de solution (16.2) 

molar mass/masa molar termino empleado para referirse a 
la masa de un mol de cualquier sustancia (10.1) 

molar volume/volumen molar volumen ocupado por 1 mol 
de un gas a temperatura y presion estandar (TPE); 22.4 L 
(10.2) 

mole (mol)/mol cantidad de una sustancia que contiene 
6.02 X 1023 partfculas representativas de esa sustancia 
(10.1) 

molecular compound/compuesto molecular compuesto 
formado por moleculas (8.1) 

molecular formula/formula molecular formula qufmica de 
un compuesto molecular que indica los tipos y numeros de 
atomos presentes en una molecula de un compuesto (8.1) 

molecular orbital/orbital molecular orbital que abarca toda 
la molecula (8.3) 

molecule/molecula grupo neutro de atomos unidos por 
enlaces covalentes (8.1) 

mole fraction/fraccion molar razon de los moles de soluto 
en solucion al numero total de moles de disolvente y 
soluto (16.4) 

mole ratio/razon molar factor de conversion derivado de los 
coeficientes de una ecuacion qufmica equilibrada inter- 
pretada en terminos de moles (12.2) 

monatomic ion/ion monoatomico un solo atomo con carga 
positiva o negativa debida a la perdida o ganancia de uno o 
mas electrones de Valencia (9.1) 

monomer/mondmero molecula sencilla que se combina 
repetidamente para formar un polfmero (23.4) 

monoprotic acid/acido monoprotico acido que solo con¬ 
tiene un proton (ion hidrogeno) ionizable; el acido nftrico 
(HN03) es un acido monoprotico (19.1) 

monosaccharide/monosacarido carbohidrato que consta de 
una sola unidad de azucar; tambien llamado azucar 
simple (24.2) 
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N 

net ionic equation/ecuacion ionica neta ecuacion de una 
reaction en solucion que solo muestra las partlculas que 
intervienen directamente en el cambio qulmico (11.3) 

network solid/solido en cadena solido en el que todos los 
atomos estan unidos entre si por enlaces covalentes (8.4) 

neutralization reaction/reaccion de neutralization 
reaccion en la que un acido y una base reaccionan en solu¬ 
cion acuosa para producir una sal y agua (19.4) 

neutral solution/solution neutral solucion acuosa en la que 
las concentraciones de iones hidrogeno y iones hidroxido 
son iguales; tiene un pH de 7.0 (19.2) 

neutron/neutrdn particula subatomica sin carga que tiene 
una masa de 1 uma; se le encuentra en el nucleo de los 
atomos (4.2) 

neutron absorption/absorcion de neutrones proceso que 
reduce el numero de neutrones lentos en un reactor 
nuclear; esto se logra mediante el uso de varillas de control 
hechas con un material como el cadmio, que absorbe 
neutrones (25.3) 

neutron activation analysis/analisis por activation de 
neutrones procedimiento en el que se bombardea una 
muestra con neutrones de una fuente radiactiva para 
detectar cantidades muy pequenas de elementos en la 
muestra (25.4) 

neutron moderation/moderation de neutrones proceso 
empleado en reactores nucleares para frenar los neutrones 
de modo que el combustible del reactor los capture para 
continuar la reaccion en cadena (25.3) 

noble gas/gas noble elemento del grupo 8A de la tabla 
periodica; los subniveles s y p del nivel energetico ocu- 
pado mas alto estan totalmente llenos (6.2) 

nonelectrolyte/no electrolito compuesto que no conduce 
una corriente electrica en solucion acuosa ni en estado 
fundido (15.2) 

nonmetal/no metal elemento que suele ser mal conductor 
del calor y la electricidad; las propiedades de los no me- 
tales generalmente son opuestas a las de los metales (6.1) 

nonpolar covalent bond/enlace covalente no polar enlace 
covalente en el que los dos atomos comparten equitativa- 
mente los electrones (8.4) 

nonspontaneous reaction/reaccidn no espontanea reaccion 
que no favorece la formation de productos en las condi- 
ciones especificadas (18.4) 

normal boiling point/punto normal de ebullition el punto 
de ebullicion de un liquido a una presion de 101.3 kPa o 
1 atm (13.2) 

nuclear force/fuerza nuclear fuerza de atraccion que actua 
entre todas las particulas nucleares que estan extremada- 
mente cerca unas de otras, como los protones y los 
neutrones en un nucleo. 

nucleic acid/dcido nucleico polimero de ribonucleotidos 
(ARN) o desoxirribonucleotidos (ADN) que se encuentra 
primordialmente en el nucleo de las celulas; los acidos 
nucleicos desempenan un papel importante en la trans- 
mision de las caracteristicas hereditarias, en la sintesis de 
proteinas y en el control de las actividades celulares (24.5) 

nucleotide/nucledtido uno de los monomeros que consti- 
tuyen el ADN y el ARN; consiste en una base nitrogenada 
(una purina o una pirimidina), un azucar (ribosa o desoxi- 
rribosa) y un grupo fosfato (24.5) 

nucleus/nucleo la diminuta portion central densa de un 
atomo; se compone de protones y neutrones (4.2) 

observation/observacion information obtenida a traves de 
los sentidos; en la ciencia, la observation suele implicar la 
medicion (1.3) 

octet rule/regla del octeto los atomos reaccionan ganando o 
perdiendo electrones a modo de adquirir la estructura 
electronica estable de un gas noble, que por lo regular 
consta de ocho electrones de Valencia (7.1) 

optical isomers/isomeros opticos moleculas que se diferen- 
cian entre ellas por la manera como se distribuyen cuatro 
grupos distintos en torno a un atomo de carbono (22.3) 

organic chemistry/quimica organica estudio de los com- 
puestos que contienen carbono (1.1) 

oxidation/oxidacion proceso que implica la perdida total o 
parcial de electrones o la ganancia de oxigeno; conduce a 
un aumento en el numero de oxidacion de un atomo 
(20.1) 

oxidation number/numero de oxidacion numero positivo o 
negativo que se asigna a un atomo para indicar su grado de 
oxidacion o reduction; el numero de oxidacion de un ele¬ 
mento no combinado es cero (20.2) 

oxidation-number-change method/metodo de cambio del 
numero de oxidacion metodo para balancear una 
ecuacion redox comparando los incrementos y reduc- 
ciones de los numeros de oxidacion (20.3) 

oxidation-reduction reaction/reaccion de oxidation-reduction 
reaccion en la que hay transferencia de electrones entre los 
reactantes (20.1) 

oxidizing agent/agente oxidante en una reaccion redox, la 
sustancia que acepta electrones; en la reaccion, el agente 
oxidante se reduce (20.1) 

partial pressure/presion parcial contribution de cada gas de 
una mezcla de gases a la presion total (14.4) 

pascal (Pa)/pascal (Pa) unidad de presion en el SI (13.1) 

Pauli exclusion principle/principio de exclusion de Pauli 
orbital atomico puede describir como maximo a dos elec¬ 
trones, los cuales deben tener espin opuesto (5.2) 

peptide/peptido compuesto organico formado por la combi¬ 
nation de aminoacidos de modo que el grupo amino de un 
acido se une al grupo carboxilo de otro creando un enlace 
amida (24.3) 

peptide bond/enlace peptido enlace que hay entre el grupo 
carbonilo de un aminoacido y el nitrogeno del siguiente 
aminoacido de la cadena peptida; la estructura es 

O H 
II I 

—C—N— 

(24.3) 

percent composition/composicion porcentual porcentaje 
en masa de cada elemento de un compuesto (10.3) 

percent error/error porcentual porcentaje en que un valor 
medido difiere del valor aceptado (3.1) 

percent yield/rendimiento porcentual razon del rendi- 
miento real al rendimiento teorico de una reaccion 
quimica, expresando como porcentaje; es una medida de 
la eficiencia de la reaccion (12.3) 
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period/periodo fila horizontal de elementos en la tabla 
periodica (4.3) 

periodic law/ley periodica si los elementos se acomodan en 
orden de menor a mayor numero atomico, se observa una 
repeticion periodica de sus propiedades ffsicas y quimicas 
(6.1) 

periodic table/tabla periodica distribucion de los elemen¬ 
tos dividiendolos en grupos segun un conjunto de 
propiedades repetidas (4.3) 

pH/pH numero empleado para denotar la concentracion de 
ion hidrogeno (acidez) de una solucion; es el iogaritmo 
negativo de la concentracion de ion hidrogeno en una 
solucion (19.2) 

phase/fase cualquier parte de una muestra que tiene com- 
posicion y propiedades uniformes (2.2) 

phase diagram/diagrama de fases grafica que muestra las 
condiciones en las que una sustancia existe como solido, 
liquido o vapor (13.4) 

phospholipid/fosfolipido lipido que contiene un grupo fos- 
fato; como los fosfolipidos tienen una cabeza hidrofflica y 
una cola hidrofobica, pueden formar las bicapas lipidas de 
las membranas celulares (24.4) 

photon/foton cuanto de luz; paquete discreto de energfa 
electromagnetica que interactua con la materia de forma 
similar a como lo hacen las partfculas (5.3) 

photosynthesis/fotosintesis proceso por el cual las plantas y 
algas verdes aprovechan la energfa radiante del sol para 
sintetizar glucosa a partir de dioxido de carbono y agua 
(24.1) 

physical change/cambio fisico cambio durante el cual se 
alteran aigunas propiedades de un material, pero sin que 
se altere la composicion del material (2.1) 

physical chernistry/fisicoquimica area de la qufmica que se 
relaciona con el mecanismo, la velocidad y la transferencia de 
energfa que ocurre cuando la materia sufre un cambio (1.1) 

physical property/propiedad ffsica cualidad o condicion de 
una sustancia que se puede observar o medir sin alterar la 
composicion de la sustancia (2.1) 

pi bond (7rbond)/enlace pi (enlace n) enlace covalente en el 
que hay una alta probabilidad de encontrar los electrones 
de enlace en regiones alargadas que estan arriba y abajo 
del eje de enlace de los atomos enlazados (8.3) 

polar covalent bond (polar bond)/enlace covalente polar 
(enlace polar) enlace covalente entre atomos que no com- 
parten equitativamente sus electrones (8.4) 

polar molecule/molecula polar molecula que tiene un lado 
ligeramente negativo y el otro ligeramente positivo (8.4) 

pollutant/contaminante material presente en el aire, agua o 
suelos y que es perjudicial para el ser humano y otros 
organismos (1.2) 

polyatomic ion/ion poliatomico grupo fuertemente 
enlazado de atomos, que se comporta como una unidad y 
tiene carga positiva o negativa (8.2) 

polymer/polimero molecula muy grande formada por la 
union, mediante enlaces covalentes, de moleculas 
pequenas repetidas, llamadas monomeros (23.4) 

polypeptide/polipeptido peptido que tiene mas de 10 
aminoacidos (24.3) 

polysaccharide/polisacarido carbohidrato complejo for- 
mado por el encadenamiento de muchos monomeros de 
monosacarido; el almidon, el glucogeno y la celulosa son 
polisacaridos (24.2) 

positron/positron partfcula con la misma masa que un elec¬ 
tron pero con carga positiva (25.2) 

precipitate/precipitado solido que se forma a partir de una 
mezclalfquidayseasienta (2.4) 

precision/precision cifra que describe la variabilidad de una 
serie de mediciones efectuadas en las mismas condiciones 
(3.1) 

product/producto sustancia que se obtiene en una reaccion 
qufmica (2.4) 

protein/protei'na cualquier peptido que tiene mas de 100 
aminoacidos (24.3) 

proton/proton partfcula subatomica con carga positiva que 
se encuentra en el nucleo de los atomos (4.2) 

pure chemistry/qufmica pura busqueda de conocimientos 
qufmicos por sf mismos (1.1) 

pure substance/sustancia pura vease sustancia 

Q 

quantum/cuanto cantidad de energfa necesaria para 
desplazar un electron de un nivel energetico a otro (5.1) 

quantum mechanical model/modelo segun la mecanica 
cuantica description moderna, primordialmente matema- 
tica, del comportamiento de los electrones en los atomos 
(5.1) 

R 

radiation/radiacion rayos y partfculas penetrantes emitidos 
por una fuente radiactiva (25.1) 

radioactivity/radiactividad proceso por el cual los nucleos 
emiten partfculas y rayos (25.1) 

radioisotope/radioisotopo isotopo cuyo nucleo es inestable 
y sufre desintegracion radiactiva (25.1) 

rate/velocidad (de reaccion) cifra que describe la velocidad 
de cambio a lo largo de un intervalo de tiempo (18.1) 

rate law/ley de velocidad de reaccion expresion que rela¬ 
ciona la velocidad de una reaccion con la concentration de 
los reactantes (18.5) 

reactant/reactante sustancia presente al principio de una 
reaccion (2.4) 

reaction mechanism/mecanismo de reaccion serie de reac- 
ciones basicas que se dan durante cl curso de una reaccion 
compleja (18.5) 

redox reaction/reaccion redox otro nombre que se da a la 
reaccion de oxidation-reduction (20.1) 

reducing agent/agente reductor en una reaccion redox, la 
sustancia que cede electrones; en la reaccion, el agente 
reductor se oxida (20.1) 

reduction/reduccion proceso que implica una ganancia total 
o partial de electrones o perdida de oxfgeno; provoca una 
disminucion en el numero de oxidation de un atomo (20.1) 

reduction potential/potencial de reduccion medida de la 
tendencia que tiene una semirreaccion especffica de efec- 
tuarse como reduccion (con ganancia de electrones) en 
una celda electroqufmica (21.2) 
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representative element/elemento representativo elemento 
de un grupo “A” de la tabla periodica; en conjunto, estos 
elementos exhiben una amplia gama de propiedades fisi- 
cas y qufmicas. En sus atomos, los subniveles s y p del 
nivel energetico ocupado mas alto estan parcialmente 
llenos (6.2) 

representative particle/partfcula representativa unidad 
mas pequena en que puede dividirse una sustancia sin que 
cambie su composicion; por lo regular es un atomo, 
moleculaoion (10.1) 

resonance structure/estructura de resonancia de las dos o 
mas estructuras electron-punto igualmente validas de una 
molecula o ion poliatomico (8.2) 

responding variable/variable de respuesta variable que se 
observa durante un experimento; tambien llamada vari¬ 
able dependiente (1.3) 

reversible reaction/reaccion reversible reaccion en la que se 
da en forma simultanea la conversion de reactantes en 
productos y la conversion de productos en reactantes 
(18.2) 

s 

salt bridge/puente salino tubo que contiene un electrolito 
fuerte y se usa para separar las semiceldas de una celda vol- 
taica; permite el paso de iones de una semicelda a la otra, 
pero impide que las soluciones se mezclen totalmente 
(23.1) 

salt hydrolysis/hidrolisis de sales proceso por el cual los 
cationes o aniones de una sal disociada aceptan iones 
hidrogeno del agua o ceden iones hidrogeno al agua (19.5) 

saponification/saponificacidn hidrolisis de grasas o aceites 
con una solucion acuosa caliente de un hidroxido de metal 
alcalino; los jabones se hacen mediante la saponificacion 
(24.4) 

saturated compound/compuesto saturado compuesto orga- 
nico en el que todos los atomos de carbono estan unidos 
unos a otros por enlaces covalentes sencillos; contiene el 
numero maximo de atomos de hidrogeno por atomo de 
carbono (22.2) 

saturated solution/solucion saturada solucion que contiene 
la cantidad maxima de soluto para una cantidad dada de 
disolvente a temperatura y presion constantes; existe equi- 
librio entre el soluto no disuelto y los iones en solucion. 
(16.1) 

scientific law/ley cientifica expresion concisa que resume los 
resultados de muchas observaciones y experimentos (1.3) 

scientific method/metodo cientffico enfoque logico y 
sistematico para resolver un problema cientffico; los pasos 
del metodo cientffico incluyen hacer observaciones, 
probar hipotesis y desarrollar teorfas (1.3) 

scientific notation/notacion cientifica convention por la 
cual los ntimeros se expresan en la forma m X 10", donde 
m es un numero mayor o igual que 1 y menor que 10, y n es 
un entero (3.1) 

scintillation counter/contador de centelleo dispositivo que 
utiliza una superficie recubierta con un material fosfores- 
cente para detectar radiation (25.4) 

self-ionization/autoionizacibn reaccion en la que dos mole- 
culas de agua reaccionan para producir iones (19.2) 

sigma bond (rr bond)/enlace sigma (enlace &) enlace que se 
forma cuando dos orbitales atomicos se combinan para 
formar un orbital molecular que es simetrico respecto al 
eje que conecta a los dos nucleos atomicos (8.3) 

significant figures/dfgitos significativos todos los digitos de 
una medicion que se pueden conocer con precision, mas 
un ultimo di'gito estimado (3.1) 

single covalent bond/enlace covalente sencillo enlace que se 
forma cuando dos atomos comparten un par de electrones 
(8.2) 

single-replacement reaction/reaccion de sustitucion sen- 
cilla cambio quimico en el que un elemento reemplaza a 
un segundo elemento en un compuesto; tambien llamado 
reaccion de desplazamiento (11.2) 

skeleton equation/ecuacion esqueleto ecuacion qurmica 
que no indica las cantidades relativas de los reactantes y 
productos (11.1) 

solid/solido estado de la materia que tiene forma y volumen 
definidos (2.1) 

solubility/solubilidad cantidad de una sustancia que se di- 
suelve en una cantidad dada de disolvente en condiciones 
especfficas de temperatura y presion para producir una 
solucion saturada (16.1) 

solubility product constant (Jfsp)/constante del producto de 
solubilidad (Ksp) constante de equilibrio aplicada a la 
capacidad disoluble de electrolitos; es igual al producto de 
las concentraciones de los iones, cada una elevada a una 
potencia igual al coeficiente que tiene ese ion en la 
ecuacion de disociacion (18.3) 

solute/soluto particulas disueltas en una solucion (15.2) 

solution/solucion mezcla homogenea que consiste en solu- 
tos disueltos en un disolvente (2.2) 

solvation/solvatacion proceso que tiene lugar cuando se di- 
suelve un soluto ionico; en solucion, las moleculas de 
disolvente rodean a los iones positivos y negativos (15.2) 

solvent/disolvente medio dispersor en una solucion (15.2) 

specific heat/calor especffico cantidad de calor requerida para 
elevar 1°C la temperatura de 1 g de una sustancia (17.1) 

specific rate constant/constante especffica de velocidad de 
reaccion constante de proporcionalidad que relaciona las 
concentraciones de los reactantes con la velocidad de la 
reaccion (18.5) 

spectator ion/ion espectador ion que no interviene directa- 
mente en una reaccion quimica; ion que no cambia de 
numero de oxidation ni de composicion durante una 
reaccion (11.3) 

spectrum/espectro longitudes de onda de la luz visible que 
se separan cuando un haz de luz atraviesa un prisma; gama 
de longitudes de onda de radiation electromagnetica (5.3) 

spontaneous reaction/reaccion espontanea reaccion que 
favorece la formation de productos en las condiciones 
especificadas; la espontaneidad depende de los cambios 
de entalpia y de entropfa (18.4) 

standard atmosphere (atm)/atmosfera estandar (atm) uni¬ 
dad de presion; es la presion necesaria para sostener 
760 mm de mercurio en un barometro de mercurio a 
25°C (13.1) 

standard cell potential (E“el) /potential estandar de celda 
(E“e,) potencial de celda que se mide cuando las concen¬ 
traciones de los iones en las semiceldas son l.OOM a 1 atm 
de presion y 25°C (21.2) 

standard heat of formation (AHf°)/calor estandar de forma- 
cion (A Ht°) cambio de entalpia que acompana a la 
formation de un mol de un compuesto a partir de sus ele¬ 
mentos, estando todas las sustancias en su estado estandar 
a 25°C (17.4) 
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standard hydrogen electrode/electrodo estandar de hidro- 
geno electrodo (semicelda) arbitrario de referenda que se 
usa junto con otro electrodo (semicelda) para medir el 
potencial estandar de reduccion de esa celda; se asigna al 
potencial estandar de reduccion del electrodo de hidro- 
geno el valor de 0.00 V (21.2) 

standard solution/solucion estandar solucion cuya concen¬ 
tration se conoce; se usa para efectuar valoraciones 
quimicas (19.4) 

standard temperature and pressure (STP)/temperatura y 
presion estandar (TPE) las condiciones en las que nor- 
malmente se mide el volumen de un gas; la temperatura 
estandar es 0°C y la presion estandar es 101.3 kPa, o sea, 1 
atmosfera (atm) (10.2) 

stereoisomers/estereoisomeros moleculas cuyos atomos 
estan en el mismo orden, pero que difieren en la dis¬ 
tribution de los atomos en el espacio (22.3) 

stoichiometry/estequiometrfa rama de la quimica que se 
ocupa de las relaciones numericas en las ecuaciones 
quimicas; el calculo de las cantidades de sustancias pre- 
sentes en las ecuaciones quimicas (12.1) 

straight-chain alkane/alcano de cadena lineal hidrocarburo 
saturado que contiene cualquier numero de atomos de 
carbono acomodados uno tras otro en una cadena (22.1) 

strong acid/acido fuerte acido que se ioniza casi totalmente 
en solucion acuosa (19.3) 

strong base/base fuerte base que se disocia totalmente en 
una solucion acuosa para dar iones metalicos y iones 
hidroxido (19.3) 

strong electrolyte/electrolito fuerte solucion en la que una 
porcion considerable del soluto existe en forma de iones 
(15.2) 

structural formula/fdrmula estructural formula quimica 
que indica la distribucion de los atomos en una molecula o 
ion poliatomico; cada raya entre un par de atomos indica 
un par de electrones compartidos (8.2) 

structural isomers/isomeros estructurales compuestos que 
tienen la misma formula molecular, aunque sus atomos 
estan enlazados en un orden distinto (22.3) 

sublimation/sublimacion proceso por el cual un solido cam- 
bia a gas o vapor sin pasar por el estado llquido (13.4) 

substance/sustancia materia que tiene una composicion 
uniforme y definida; puede ser un elemento o un com- 
puesto; tambien llamada sustancia pura (2.1) 

substituent/sustituto atomo o grupo de atomos que puede 
ocupar el lugar de un atomo de hidrogeno en una molecula 
precursora de hidrocarburo (22.1) 

substitution reaction/reaccidn de sustitucion tipo comun 
de reaction organica; implica el reemplazo de un atomo o 
grupo de atomos por otro atomo o grupo de atomos (23.1) 

substrate/sustrato molecula sobre la que actua una enzima 
(24.3) 

supersaturated solution/solucion sobresaturada solucion 
que contiene mas soluto del que en teorla puede contener 
a una temperatura especlfica; el soluto en exceso se pre- 
cipita si se anade un cristal que actua como semilla (16.1) 

surface tension/tension superficial fuerza que tiende a 
reducir al mlnimo la superficie total de un liquido y actua 
hacia el seno de este; hace que la superficie se comporte 
como si fuera una membrana elastica (15.1) 

surfactant/tensoactivo cualquier sustancia que perturba la 
formacion de enlaces de hidrogeno entre las moleculas de 
agua y asf reduce la tension superficial; los jabones y deter- 
gentes son tensoactivos (15.1) 

surroundings/entorno todo lo que no forma parte del 
sistema, es decir, el resto del universo (17.1) 

suspension/suspension mezcla de la que se separan lenta- 
mente algunas partfculas por asentamiento cuando no se 
agita (15.3) 

synthesis reaction/reaccidn de sfntesis vease reaction de 
combination 

system/sistema parte del universo en la que centramos nues- 
traatencion (17.1) 

technology/tecnologfa los medios por los cuales una 
sociedad proporciona a sus miembros las cosas que nece- 
sitanydesean (1.1) 

temperature/temperatura medida de la energfa cinetica 
promedio de las partfculas de la materia; la temperatura 
determina la direction de la transferencia de calor (3.2) 

tetrahedral angle/angulo tetraedrico angulo de enlace de 
109.5° que se forma cuando un atomo central forma cuatro 
enlaces dirigidos hacia el centro de un tetraedro regular 
(8.3) 

theoretical yield/rendimiento teorico cantidad de producto 
que podrfa formarse durante una reaction, calculada a 
partir de una ecuacion quimica balanceada; representa la 
cantidad maxima de producto que podrfa formarse a partir 
de una cantidad determinada de reactantes (12.3) 

theory/teorfa explicacion, probada exhaustivamente, de un 
conjunto amplio de observaciones (1.3) 

thermochemical equation/ecuacion termoqufmica ecua- 
cion quimica que incluye el cambio de calor (17.2) 

thermochemistry/termoqufmica estudio de los cambios de 
calor que acompanan a las reacciones quimicas y a los 
cambios de estado ffsico (17.1) 

titration/valoracion quimica proceso empleado para deter- 
minar la concentracion de una solucion (a menudo un 
acido o base) por el cual una solucion de concentracion 
conoeida (solucion estandar) se anade a una cantidad 
medida de una solution cuya concentracion se desconoce, 
hasta que un indicador marca el punto final (19.4) 

trans configuration/configuracion trans configuration en la 
que los grupos sustitutos estan en lados opuestos de un 
doble enlace (22.3) 

transition metal/metal de transition uno de los elementos 
del grupo B en el que el subnivel s ocupado mas alto y un 
subnivel d cercano generalmente contienen electrones 
(6.2) 

transition state/estado de transition termino empleado 
ocasionalmente para referirse al complejo activado (18.1) 

transmutation/transmutacion conversion de un atomo de 
un elemento en un atomo de otro elemento (25.2) 

transuranium element/elemento transuranico cualquier 
elemento de la tabla periodica cuyo numero atomico es 
mayor que 92, el numero atomico del uranio (25.2) 

triglyceride/triglicerido ester en el que los tres grupos 
hidroxilo de una molecula de glicerol han sido sustituidos 
por acidos grasos de cadena larga; las grasas son 
trigliceridos (24.4) 

triple covalent bond/enlace covalente triple enlace cova- 
lente en el que dos atomos comparten tres pares de 
electrones (8.2) 
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triple point/punto triple punto de un diagrama de fases que 
representa el unico conjunto de condiciones en el que las 
tres fases existen en equilibrio (13.4) 

triprotic acid/acido triprotico acido que contiene tres pro¬ 
tones (iones hidrogeno) ionizables; el acido fosforico 
(H3P04) es un acido triprotico (19.1) 

Tyndall effect/efecto Tyndall dispersion de la luz por las 
partfculas de un coloide o una suspension, que hace que 
un haz de luz se vuelva visible (15.3) 

unit cell/celda unitaria grupo mas pequeno de partfculas 
dentro de un cristal que conserva la forma geometrica del 
cristal (13.3) 

unsaturated solution/solucion insaturada se dice de una 
solucion que contiene menos soluto que una solucion 
saturada a una temperatura y presion especfficas (16.1) 

unsaturated compound/compuesto insaturado compuesto 
organico que tiene uno o mas dobles o triples enlaces 
carbono-carbono (22.2) 

unshared pair/par no compartido par de electrones de 
Valencia que no es compartido por dos atomos (8.2) 

V 

vacuum/vacfo espacio en el que no existen partfculas de 
materia (13.1) 

valence electron/electron de Valencia electron que esta en el 
nivel energetico ocupado mas alto de un atomo (7.1) 

van der Waals forces/fuerzas de van der Waals las dos atrac- 
ciones intermoleculares mas debiles —interacciones de 
dispersion y fuerzas dipolares (8.4) 

vapor/vapor estado gaseoso de una sustancia que suele ser 
lfquida o solida a temperatura ambiente (2.1) 

vaporization/vaporizacion conversion de un lfquido en gas o 
vapor (13.2) 

vapor pressure/presion de vapor medida de la fuerza que 
ejerce un gas sobre un lfquido en un contenedor sellado; 
equilibrio dinamico que existe entre el vapor y el lfquido 
(13.2) 

voltaic cell/celda voltaica celda electroqufmica empleada 
para convertir energfa qufmica en energfa electrica; la 
energfa se produce por una reaction redox espontanea 
(21.1) 

volume/volumen medida del espacio ocupado por una 
muestra de materia (2.1) 

VSEPR theory/teorfa RPENV teorfa de repulsion de pares de 
electrones del nivel de Valencia; como los pares de elec¬ 
trones se repelen, las moleculas ajustan su forma de modo 
que los pares de electrones de Valencia esten lo mas aleja- 
dos posible entre sf (8.3) 

w 

water of hydration/agua de hidratacion moleculas de agua 
que forman parte integral de una estructura cristalina 
(15.2) 

wavelength (A,)/longitud de onda (/.) distancia entre crestas 
adyacentes de una onda (5.3) 

wax/cera ester de un acido graso de cadena larga y un alcohol 
de cadena larga (24.4) 

weak acid/acido debil acido que se ioniza poco en solucion 
acuosa (19.3) 

weak base/base debil base que reacciona con agua para for- 
mar el ion hidroxido y el acido combinado de la base 
(19.3) 

weak electrolyte/electrolito debil solucion que apenas con¬ 
duce la electricidad porque solo una fraccion del soluto 
existe en forma de iones (15.2) 

weight/peso fuerza que mide la atraccion de la gravedad 
sobre una masa especffica (3.2) 
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atomic emission spectrum 141 
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atomic mass 294 
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atomic orbitals 131-132, 230 
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Balard, Antoine-Jerome R32 
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bent triatomic shape 233 
benzaldehyde 739 
benzene 

derivatives of 711 
resistance to hydrogenation 735 
structure of 710 

beryl 50, 197 
Berzelius, Jons Jacob 51, R18, R28 
beta-carotene 709 
beta emission 804 
beta particle 800, 801, 802 
beta radiation 801-802 
binary compounds 260, 261-263 

ionic 260-266 
formulas for 262-263 
naming 261 

molecular 268-270 
formulas for 270 
naming 268-269 

oxidation numbers of 640 
biochemistry 8 
biodiesel 13 
biomedical implants 791 
bioreactor 14 
biotechnology 14,15 
bipolar disorder R9 
bituminous coal 714 
bleach Rll, R33 
blood 553 

artificial R35 
dialysis of 478-479 
pH of 618 

body-centered cubic crystals 202, 398 
Bohr, Niels 128, 142, 143 
Bohr model of atom 128-129 
boiling point 393-395 

of aldehydes and ketones 739 
of alkanes, alkenes, and alkynes 703 
of carboxylic acids 741 
of esters 742 
of ethers 736 
of molecular compounds 214 
normal 395 
pressure and 394-395 
of straight-chain alkanes 695 

boiling-point elevation 490, 494-496 
bomb calorimeter 512 
bond(s) 177. See also ionic bonds; 

covalent bond 
electronegativity differences and 238 
hydrogen 241,446-449 
metallic 201-202 
peptide 770 
pi 231, 235 
sigma 230-231, 235 
valence electrons and 188, 693 

bond dissociation energy 226 
bonding. See also ionic bonds; 

covalent bond 
crystal structure and 396 
in metals 201-203 
theories 230-236 

bonding orbital 230 
bond polarity 237-239 
borax 455, R15 
boron R14 

in semiconductors R21 
boron carbide R15 
boron trifluoride 228 
Boyle, Robert 418 
Boyle’s law 418-419 
branched-chain alkanes 697, 698-699 
Brand, Hennig R24 
brass R142 
brine, electrolysis of 678, 681 
bromine 155, 195, 222, 333, 559, 640 

as an indicator 734 
sources of R32 
vapor 390, 435, R32 

bromine chloride decomposition 559 
Bransted, Johannes 590 
Bronsted-Lowry acids and bases 

590-592 
bronze 203, R42 
Brown, Robert 461 
Brownian motion 460, 461 
buckminsterfullerene (buckyball) 396, 

398-399, R21 
buffer capacity 621 
buffers 620-622 
Bunsen, Robert R6 
burning, of wood 55 
burrs 12 
butane 695, 704, 712 

c (speed of light) 139 
cadmium 190, 567 

cation 255 
calcite 396 
calcium 262 

flame test Rll 
ion 192 
and strong bones 8, R13 

calcium carbonate 
and cave formation 342, R13 
decomposition of 374 
in shells 264, R10 

calcium chloride 455, 488, 613 
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calcium hydroxide solubility 590 
calcium oxide (lime) 514, 573, R13 
calcium phosphate R11 
calcium sulfate hydrates 613, Rll 
calculations 

in numeric problems 29 
significant figures in 68-72 

calculator, using 387, R62-R65 
to compute logarithms R78-R79 

calibration intervals 66, 67 
Calorie (C) 507 
calorie (cal) 79, 507 
calorimeter 511-512 

constant-pressure 511-512 
constant-volume 512 

cancer, treatment of 819 
carbohydrate loading 766 
carbohydrates 766-768 

disaccharides 767 
monosaccharides 766-767 
polysaccharides 767-768 

carbon 48, 49, 159, 640 
allotropes of 398-399 
combustion of 568 
isotopes of 114-115,116 
mass ratio with hydrogen 293 
nano tubes R21 
phase diagram of R19 

carbon-12 standard 114 
carbonated beverages 222, 476, 477 
carbonates, acid test for 54 
carbon compounds 693. See also 

hydrocarbons 
carbon cycle, energy and 764-765 
carbon dating 806, 814-815 
carbon dioxide 216, 222, 268-269, 553 

as greenhouse gas R22 
molecular shape of 233 
naming 269 
oxidation of alkanes to 744 -745 
photosynthesis and 764 
polarity of 240 
reaction with calcium carbonate 342 
solid (dry ice) 401, 426 
as supercritical fluid R20 

carbonic acid 
decomposition of 552-553, 567 
dissociation constant 607 
relative strength of 605 

carbonic anhydrase 773 
carbon monoxide 

bonding in 223 
dangers of 268, R23 
formation of 529, R23 
molecule of 214 
naming 269-270 
reaction with oxygen 532 
smoking and R23 

carbonyl compounds 737-746 
aldehydes and ketones 737-740 
carboxylic acids 740-741 
esters 741-743 
oxidation-reduction reactions in 

743-745 
carbonyl group 737-740 
carboxyl group 740 
carboxylic acid 740-741 

condensation of amines and 751 
esters as derivatives of 741-743 

careers in chemistry 10, 93,119,146,256, 
329, 404, 452, 514, 579, 611, 654, 701 

Carothers, Wallace 9 
catabolism 787-788 
catalase 773 
catalyst 323 

biological 772-773 
and chemical equilibrium 551 
properties of 772 
reaction rates and 546-547 

catalytic converters R23, R42 
cathode 665 
cathode ray 104 
cathode ray tube (CRT) 105 
cation(s) 172, 176, 194 

formation of 188-190 
naming 253, 254 

Cavendish, Henry R38 
cell membrane 763, 764 

lipid bilayers of 777 
protein channels in 777 

cell potential 671 
cells, biological 763-764 
cellulose 768 
Celsius, Anders 77 
Celsius scale 77-78 
centimeter (cm) 74 
cesium 

atomic clock R8 
electronegativity of 177 
flame test R7 

cesium chloride 198 
Chadwick, James 106, 129, 807 
Chain, Ernst 20 
charcoal 168, 330, 632 
charge-to-mass ratio of electrons 105 
Charles, Jacques 420 
Charles’s law 420-421 
cheese, production of 54 
chemical change 48, 54 
chemical equations 321-322, 323-328, 

353-358 
balanced 324-328, 353-355, 369 
coefficients in 324, 359, 364, 369 
interpreting 356-358 
symbols used in 323 
writing 321-324, 327 

chemical equilibrium 392, 550-565 
concentration and 552-553 
Le Chatelier’s principle 552 
pressure and 554-555 
solubility equilibrium 560-565 
temperature and 554 

chemical formula(s) 51-52, 195, 252-285 
for acids 272 
for bases 273 
for binary ionic compounds 262-263 
for binary molecular compounds 270 
for compounds with polyatomic ions 

264-265, 267 
laws governing 274-275 
microscopic and macroscopic level of 

interpretation 309 
percent composition from 307 
for polyatomic ions 257-258 
writing 278 

chemical names. See names, chemical 
chemical potential energy 505 
chemical property 53 

chemical reactions 53-56, 320-345. See 
also chemical equations 

in aqueous solution 342-345 
chemical changes 48, 53-54 
classifying 330 
combination (synthesis) 330-331, 

337, 338 
combustion 330, 336-337, 339, 

340-341, 712 
conservation of mass and 55 
decomposition 332, 337, 338, 573 
double-replacement reaction 

334-335, 337, 339, 576 
efficiency of 373 
elementary 578 
endothermic 515 
exothermic 515 
first-order 576 
heat of 514-516, 527-533 
neutralization 612-617 
nonspontaneous 567-568, 569, 

571,572 
one-step 576 
order of 576 
oxidation-reduction. See redox reactions 
predicting products of 337-339 
progress of 575-578 
reversible 549-551 
single-replacement 333-334, 337, 338 
spontaneous 566, 567-568, 569-571, 

572-573 
word equations for 322, 324 

chemistry 7 
alchemy and 20 
applied 9 
areas of study 8 
collaboration and communication 

in 24-25 
green R20 
impact of 12-17 

on agriculture 15 
on energy 13 
on environment 16 
on materials 12, 14 
on medicine and biotechnology 14 
on study of the universe 17 

Lavoisier and development of 21 
problem solving in 28-32 
pure 9 
reasons for studying 10-11 
scientific method and 22-23 

chloride ion 172, 191, 192, 453 
chlorine 222, 559, R32 

anions with oxygen R33 
bleach R33 
as disinfectant 115, R34 
in electrolytic cells 678 
isotopes of 114, 115 
properties of 49, 155, R32-R33 
reaction with sodium R33 

chlorofluorocarbons (CFCs) R31 
chloromethanes 728 
chlorophyll 165, R12 
chloroplasts 764, R12 
chromatography, gas 313 
chromium 

electron configuration of 136 
oxidation numbers of 640, R41 
in steel 45, 202, R43 
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cinchona tree 18 
cinnabar 197 
cinnamaldehyde 739 
cis configuration 705 
citizens, informed 11 
Claude, George R37 
cloning 785 
coagulation 461 
coal 714-715 

composition of 715 
formation of 714 

coal gas 715 
coal tar 715 
cobalt(II) chloride indicator 454 
coefficients 63, 325, 359, 364, 369 
coenzymes (cofactors) 773 
coffee 

decaffeinating R20 
freeze-dried 401 

coke 632, 648,715 
in production of iron R43 

cold pack 525 
collaboration in chemistry 24 
colligative properties 487-496 

boiling-point elevation 490, 494-496 
calculations involving 491-496 
freezing-point depression 488-489, 

494-496 
vapor-pressure lowering 487-488 

collisions, perfectly elastic 385 
collision theory 541, 542-544 
colloids 460-462 
combination reactions (synthesis) 

330-331,337,338 
combined gas law 424-425 
combustion, 

combating 340-341 
heat of 517 

combustion reaction 330, 336-337, 
339,712 

common ion 563 
common ion effect 563-564 
communication in chemistry 25 
complete ionic equation 342 
composite materials R22 
compound(s) 48-52 

aromatic 709 
binary 260-263 
Dalton’s atomic theory and 102 
distinguishing elements from 48-49 
high-energy 787 
molar mass of 295-296 
with polyatomic ions 264-266 
properties of 49 
saturated 702 
unsaturated 702 

compressibility 
of gases 41, 42, 413-414 
of liquids and solids 41 

computer modeling 88 
concentrated solution 480, 483 
concentration(s) 480-486 

of acids and bases 609, 614 
dilutions 483-484 
equilibrium and 552-553 
molality [rri] 491-492 
molarity (M) 480-482 
mole fraction 492-493 
percent solutions 485-486 
reaction rates and 545 

conceptual problems, solving 31 
condensation, heat of 522-524 
condensation polymerization 767, 770 
condensation polymers 750-752 
condensed structural formulas 696 
conductivity 40 

of ionic compounds 198, 452-453 
cone snail 19 
conjugate acid-base pair 591 
conjugate acids and bases 591-592 
conservation 

of energy 13, 506 
of mass 55, 357, 361 
of water 15 

conversion problems 80-88, R66-R68 
conversion factors 80-81, 83, 359, 

363,516 
dimensional analysis 81-83, 289 
multistep 85 
unit conversions 84-86 

coordinate covalent bond 223-225 
coordination number 198 
copper 159 

activity of 333 
alloys of R42 
atoms of 103 
electron configuration of 136 
ionization of 190 
as micronutrient R45 
oxides of 261 
properties of 40, 136, 159 
reaction with silver nitrate 328, 642 
reaction with sulfur 370 
reaction with zinc 663-664, 665-667 

copper(Il) sulfate pentahydrate 
454-455,613 

corrosion 636-638 
controlling 637-638 
resistance to 636 

Corson, Dale R. R32 
corundum R15 
cotton candy, composition of 48 
Courtois, Bernard R32 
covalent bond 212, 213-245, 693-694 

bond dissociation energies 226 
bonding theories 230-236 
coordinate 223-225 
double 221-222, 227, 702 
nonpolar 237 
octet rule and 217 

exceptions to 228-229 
polar 237, 238-245 
resonance 227-228 
single 217-220 
triple 221-222,703 

cracking 713 
Crick, Francis 779 
Crookes, Sir William R14 
crop protection 15, 509 
crystal(s) 196-197, 396-398 

super 405 
crystal lattice 397 
crystallization 

in dynamic equilibrium 472 
in supersaturated solution 474-475 

crystal structure 396-398 
of metals 202 

crystal systems 397 
cubic centimeter (cm3) 75 
cubic meter (m3) 75 

Curie, Marie 799 
Curie, Pierre 799 
cyanide ion 258 
cyclic hydrocarbons 709 
cytoplasm 764 
cytosine 778, 779 

Dalton, John 51, 102, 128 
atomic theory 102,128, 325 
law of multiple proportions 275 
symbols for elements 51 

Dalton’s law of partial pressures 
432-434 

Darby, Abraham R43 
Davisson, Clinton 144 
Davy, Sir Humphry R6, RIO, R14 
deacidification of paper 623 
death stalker scorpion 19 
de Broglie, Louis 129, 144-145 
decay, nuclear 803-804 
decimeter (dm) 75 
decomposition reaction 332, 337, 

338, 573 
decompression sickness 431 
definite proportions, law of 274 
dehydrogenation reaction 743 
deliquescent compounds 457 
de Mestral, George 12 
Democritus 101 
denatured alcohol 733 
density 89, 90-93 

determining 89-90 
molar mass from 302 
temperature and 91 

deoxyribonucleic acid. See DNA 

deoxyribose 778 
dependent variable 22 
desiccants 455 
detergents 462 
deuterium 113, R38 
dialysis, kidney 478-479 
diamond 187, 398, 527-528 

structure of 243, 399 
diatomic elements 222 
diatomic molecule 214 
diethyl ether 473, 523, 736 
diffusion 435, 437 
digitalis 18 
dihydrogen phosphate ion 257-258 
dilute solution 480, 483-484 
dimensional analysis 81-83, 289, 

R66-R68 
dimethylbenzenes (xylenes) 711 
dinitrogen monoxide 269 
dinitrogen tetroxide 556 
dipole 239 
dipole interactions 240 
di- prefix 269 
diprotic acids 588 
disaccharide 767 
disorder, law of 569 
dispersion forces 240, 727 
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dissociation constant(s) 
acid 606-607 

base 608-609 

calculating 609-610 
distillation 47 

disubstituted benzenes 711 
disubstituted halocarbon 734 
dive charts 431 
DNA 14, 778-780 

cloning from 785 
double helix of 779 
genetic code in 780-781 
nitrogen bases in 778-779 
recombinant DNA technology 

784-785 
DNA fingerprinting 783-784 
d orbitals 132 
Dobereiner, J. W. 155 
Dorn, Friedrich E. R36 
double covalent bond 221-222, 227, 702 
double-replacement reaction 334-335, 

337, 339 
drugs, prescription 14 
drug testing 313 
dry ice 401, 426 
ductility 201-202 
dyes, organic 754-755 
dynamic equilibrium 392 

in a saturated solution 472-473 

efflorescent hydrates 455 
effusion 435-436 
Einstein, Albert 144 
elastic collisions 386 
electrical potential 671 
electric charge 106 
electric field, polar molecules in 239 
electrochemical cell 665, 667 
electrochemical process 665 
electrochemistry 662-685. See also 

redox reactions 

dry cells 667-668 
electrolytic cells 678-684 
fuel cells 669-670 
half-cells 665 

and cell potentials 671-677 
lead storage batteries 668-669 
voltaic cells 665-667, 671, 673 

electrode 104, 665 
standard hydrogen 672 

electroforming 682 
electrolysis 678 

of brine 681 
of molten sodium chloride R6 
of water 680 

electrolytes 452-453, 458 
acids and bases as 587-588 
restoring in body R8 

electrolytic cells 678-684 
voltaic cell vs. 679 

electromagnetic radiation 139 
electromagnetic spectrum 139 
electron(s) 104-106, 108, 126-147 

and atomic spectra 141-143 
mass of 105, 114 
quantum mechanics and 138-145 
in redox reactions 633 
valence 187-188 

electron capture 804 
electron cloud model 129,130 
electron configurations 133-136 

aufbau principle 133-134, 136 
exceptional 136 
Hund's rule 134-135 
Pauli exclusion principle 134 

periodic table and 164-166 
pseudo noble-gas 190 
table of R50-R52 
writing 135, 167 

electron dot structures 188,218-219 
octet rule and 228 
of ozone 227 
for polyatomic ions 225 

electronegativity 177 

bond types and 238 
electronic transition 142 
electron microscope 109, 144 
electroplating 682, 685 
electropolishing 682 
electrorefining 682 
electrostatic force 194 
electrowinning 682 
element(s) 48-52. See also periodic table 

atomic number of 110 
block classification of 166 
Dalton's atomic theory and 102 
diatomic 222 
distinguishing compounds from 48-49 
distribution of R4-R5 
electron configurations of R50-R52 
emission spectrum of 141 
molar mass of 293-294 
representative 164-165 
table of selected properties R47-R49 
transition 166 
transuranium 808 

elementary reaction 578 

emeralds 526 
emission spectrum, atomic 141 

empirical formulas 309-311 
emulsions 462 

endoplasmic reticulum (ER) 764 
endothermic processes 506-507 

endothermic reaction 515 
end point 615 

energy 79 

carbon cycle and 764-765 
chemical change and 54 
chemistry and demand for 13 
conservation of 506 

ionization 173-175 
oxidation reactions producing 744 
quantum of 128 

storage in ATP 786-787, 788 
solar 518-519 
transformations of 505 
triglycerides and long-term storage 

of 775 
units of 79, 507 

energy levels 128,131 
energy sublevels 131 
engine “knock” 716-717 

enthalpy 511-517 
calorimetry 511-513 
changes in 568-571 
thermochemical equations 514-517 

entropy 568, 569-573 
environment, chemistry and 16 
enzymes 547, 772-773, 777 

action of 772-773 
coenzymes 773 

ephedrine 19 
epsom salts 455 
equations. See chemical equations 

equilibrium. See chemical equilibrium 

equilibrium constants 556-559 

equilibrium position 551 

shift in 552-555 
equivalence point 613 

error 65 

percent 65 

esterification 742 
esters 741-743 

waxes 777 

estimation 29 
ethane 215, 694, 695 
ethanoic (acetic) acid 587, 589, 740 

in a buffer system 620-621 
concentration of 609 
dissociation constant 607 

ethanol (ethyl alcohol) 90, 216, 473, 
731, 733 

ethene 702 
addition of water to 734 
addition polymerization of 747 
orbitals in molecule of 235 

ethers 735-736 
ethyl alcohol. See ethanol 

ethylene glycol 732, 733 
antifreeze 489, 492-493 
solution with water 

ethyne (acetylene) 
bonding in 235-236, 703 
formation of R19 
in welding torches 309, 371 

eukaryotic cells 763-764 
evaporation 391 

Everest, Mount 384, 432, 433 
excess reagent 369 

exothermic processes 506-507 
exothermic reaction(s) 515 
experiment 22 
experimental value 65 
explosions R12, R27 

in grain elevator 546 
extensive properties 39 

face-centered cubic crystals 202, 398 
family (group) 118 

fats 775, 776 
fatty acids 740 

Fehling’s test for an aldehyde 745 
fermentation 733 

fertilizers 223, 356, 790, R27 
film badge 817 
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filtration 46,459 
fingerprinting, DNA 783-784 
firefighting 340-341 

spontaneous combustion 566 
firefighters 10, 514, 434 
fireworks 567, 639, R12 
first ionization energy 173, 174 
first-order reaction 576 
fission 810-811 
Flameless Ration Heater (FRH) 644 
flame-resistant materials 752 
Fleming, Alexander 20 
Florey, Howard 20 
fluoride ion 254 

in toothpaste 261, R34 
fluorine 114, 218, 222 

electronegativity of 177 
molecule 2, 232 

fluorite 197, R32 
food preservation 548, R9, R31 
/orbitals 132 
formaldehyde (methanal) 311, 740 
formalin 740 
formic acid 271 
formula. See chemical formula 

formula units 195 

fossil, dating 814-815 
fossil fuels 13,712-715 

coal 714-715 
natural gas 712 
petroleum 713 

fractional distillation 
of air R24 
of petroleum 713 

franklinite 197 
Frasch process R28 
free energy 566-568 

entropy and 571-572, 573 
freezing-point depression 488-489, 

494-496 
frequency (v) 138,139 
fructose 766, 767 
fuel rods 812 
fullerenes 398-399 
functional groups 725-755 

addition reactions 733-735 
alcohols 730-733 
aldehydes and ketones 737-740 
amines 726 
carboxylic (organic) acids 740-741 
esters 741-743 
ethers 735-736 
halogen substituents 726-727 
organic compounds classified by 726 
oxidation-reduction reactions 743-745 
polymerization 747-752 
substitution reactions 728-729 

fusion, nuclear 813 

G 

galena 397 
Galileo spacecraft 7 
gallium 42, 156, R14 
gallium arsenide R15 

gamma radiation 801, 802 
gamma rays 802 
gas(es) 42, 385-390, 412-437 

compressibility of 41, 42, 413-414 
diffusion of 435, 437 
gas laws 418-425 

Boyle's law 418-419 
Charles’s law 420-421 
combined gas law 424-425 
Dalton’s law of partial pressures 

432-434 
Gay-Lussac’s law 422-423 

i I Graham’s law of effusion 435-436 
ideal gas law 426-427 

gas pressure 386-388, 415-417 
ideal gas law 426-429 
kinetic energy and temperature 

of 388-389 
model for 385-386 
noble 164,188 
properties of 385, 413-417 
volume of 300 

gasoline 713 
combustion of 336 
octane ratings 50, 716-717 

gastric juice 609 
Gay-Lussac, Joseph 422 
Gay-Lussac’s law 422-423 
Geiger counter 817 
gelatin 459, 460 
gene 14, 780 
gene mutations 782-783 
gene therapy 14, 784 
genetic code 780-781 
genetic disorders 782 
Geoffrey, Claude-Fran<;ois R24 
geometric isomers 705 
germanium 156,187 
Germer, Lester 144 
Gibbs free-energy change 572-573 
glasses 399 

glassblowing R19 
optical glass R20 

global warming R22 
glucose 766-767 

molar mass of 295 
oxidation of 787-788 
as product of photosynthesis 764 
in solution 453, 487-488 
in urine 54 

glycerol 733, 776 
glycogen 768 
glycols 731 
gold 111, 161, 202, 268, 636, R40 

fool’s 187 
ionization of 190 
panning for 44 
properties of 40, R44 

gold-foil experiment 107 
Goldstein, Eugen 106 
Graham, Thomas 435 
Graham’s law of effusion 435-436 
grain alcohol See ethanol 

gram (g) 76 
granite 50 
graphing 578, R74-R77 
graphite 398-399 
green chemistry R20 
greenhouse gases R22 
grossularite 197 

ground state 142 
group (family) 118 
guanine 778, 779 
gypsum 260, 396, 613, Rll 

Haber, Fritz 549, R26 
Haber process R26 
half-cells 665 

and cell potentials 671-677 
reduction potential of 672-675 

half-life 804-806 
half-reaction 650 
half-reaction method 650-652 
halide ions 192 

Hall, Charles R17 
Hall-Heroult process 682, R17 
halocarbons 726-727 

disubstituted 734 
monosubstituted 734 
substitution reaction to produce 728 

halogens 161,R32-R35 
relative sizes of atoms and ions 176 
single covalent bonds in 218 
single-replacement reactions with 333 
sources of R32 

halogen substituents 726-727, 728 
hardness 39, 40 
hazardous material specialists 329 
heart attacks, aspirin and 9 
heat(s) 505. See also thermochemistry 

in changes of state 520-526 
of combustion 517 

of condensation 523 

entropy, free energy, and 571-572 
evaporation and 391 
of fusion 520-522 
Hess’s law of heat summation 527-529 
of reaction 514-517, 527-533 
of solidification 520-522 
of solution 525-526 
standard heat of formation 530-532 
of vaporization 522-524 

heat capacity 508-509 
heat (enthalpy) changes 568-571 
heat flow 506 

measurement of 507 
heating curve 523 
heavy water reactors R39 
Heisenberg, Werner 145 
Heisenberg uncertainty principle 145 

helium 213, 436, 813 
discovery of 17 
isotopes 114 

hematite 197 
hemodialysis 478-479 
hemoglobin 782 
Henry’s law 476-477 
Heroult, Paul R17 
hertz (Hz) 138 

Hess’s law of heat summation 527-529 
heterogeneous aqueous systems 

459-462 
colloids 459, 460-462 
suspensions 459, 461, 462 
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heterogeneous mixtures 45, 50 
hexagonal close-packed crystal 

structure 202 
Hindenburg explosion (1937) 321 
HIV protease 772, 773 
homogeneous aqueous systems. See 

aqueous solution(s) 

homogeneous mixtures 45, 50 
homologous series 695 
hook-and-loop tapes 12 
hot air balloon 418, 695 
hot pack 525 
Human Genome Project 14 
Hund’s rule 134-135 
hybridization 234 
hybrid orbitals 234-236 
hydrates 454-457 

deliquescent compounds 457 
efflorescent 455 
hygroscopic 455 

hydration reaction 734 
hydrocarbons 693-717 

aliphatic 703 
alkanes 694-701 

branched-chain 697, 698-699 
naming 696, 698-699 
properties of 700 
straight-chain 695 
structural formulas for 696-697 

alkenes 702, 703 
alkynes 703 
aromatic 710-711, 715 
cyclic 709 
from Earth’s crust 712-715 
stereoisomers of 705-706 
structural isomers of 704 
unsaturated 702-703 

hydrochloric acid 272, 588, 595, 645 
relative strength of 605 
concentration of 609 

hydrofluoric acid 271 
hydrofluorocarbons 727 
hydrogen 49, 222, R38-R39 

burning of 321, 326-327 
economy R39 
isotopes of 113, 114, 115, R38 
mass ratio with carbon 293 
molecular 226, 231 
in water formation 635 

hydrogenation reaction 734-735, R38 
hydrogen bonds 241, 446 

in ice 449 
surface tension and 447 

hydrogen carbonate ion 257, 258 
hydrogen chloride 213, 224 

polarity of molecule 238, 239 
in solution 453, 588, 591, 595 

hydrogen cyanide 224 
hydrogen fluoride 224 
hydrogen iodide 558 
hydrogen ions 594-595. See also pH 

hydrogen-oxygen fuel cell 669, 670 
hydrogen peroxide 224, 274, R39 

decomposition of 296, 322, 323, 631 
hydrogen phosphate ion 258 
hydrogen sulfate ion 592 
hydrolysis 

of esters 742-743 
salt 618, 619-620 

hydronium ion 453, 591, 592, 594 
hydroxide ion 273, 594 
hydroxyl group 730, 731, 732 
hygroscopic hydrates 455 
hypochlorite ion 266, R34 
hypotheses 22 

ice 
bonding in 449 
density of 448, 449 
melting of 569 

-ic suffix 255, 272 
ideal gas 426-429 

real gases and 428-429 
ideal gas constant 426 
ideal gas law 426-427 
-ide suffix 191, 269, 272 
Iijima, Dr. Sumio R21 
immiscible liquids 473 
implants, biomedical 791 
independent variable 22 
indium, uses of R16 
inhibitor 547 
inner transition metals 166 
inorganic chemistry 8 
insulation 13 
insulin 14, 784 
intensive properties 39 
interferon 784 
intermediate product 578 
internal-combustion engine 566 
International System of Units (SI) 

63, 73-79 
of cycles per second 138 
of energy 79, 507, R46 
of length 74, R46 
of mass 76, R46 
measuring with 73 
of pressure 387, R46 
of temperature 77-78, R46 
of time R46 
of volume 75, R46 

International Union of Pure and Applied 
Chemistry (IUPAC) 158, 696 

interstitial alloys 203 
iodine 155,157, 222 

sublimation of 401 
iodine-131 isotope 819 
iodized salt R35 
ion(s) 172, 187-193 

ammonium 223, 257, 266 
anions, formation of 191-192 
cations, formation of 188-190 
chloride 172,191, 192 
common 563 
hydrogen 594-595 See also pH 

hydrogen sulfate 592 
hydronium 453, 591, 592, 594 
hydroxide 273, 594 
monatomic 253-255 
naming 253-258, R55 
octet rule and 188 
polyatomic 223, 257-258, R54 

in redox reactions 633-634 
in seawater 192 
solvated 451 
spectator 343 
symbols and names of 192-193, R52 
of transition metals 254-255 

ionic bonds 194-195 
ionic compounds 194 

binary 260-263 
characteristics of 244 
dissolution of 451 

as electrolytes 452 
formation of 194-195 
formulas of 196 
oxidation numbers in 640 
with polyatomic ions 264-267 
properties of 196-198 
solubility in water 450, 451, 560-561 
solubility rules for 344 

ionic radius 175 
ionic size, periodic trends in 176 
ionization constants. See dissociation 

constant(s) 

ionization energy 173-175 
group trends in 174 
periodic trends in 174 

ionizing radiation 816 
iron 53,159 

cast R43 
cations of 254-255 
corrosion of 631, 632, 636 
extraction in blast furnace 648, R43 
oxides of 53, 262, 299, 322, 632 
wrought 201 

iron ore 648, R43 
irreversible physical changes 42, 44 
isomers 704-707 

geometric 705 
optical 705-706, 769 
stereoisomers 705-706 
structural 704, 766 

isopropyl alcohol (2-proponol) 485, 733 
isotopes 112-113, 114, 115 

radioisotopes 799-800 
-ite suffix 257, 272 
IUPAC 158, 696 

Janssen, Pierre 17 
jellyfish 15 
Joule, James Prescott 79 
joule (J) 79, 507 

Kelvin (K) 77 
Kelvin, Lord 77 
Kelvin temperature scale 77-78 

and average kinetic energy 389 
and gas laws 420, 
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ketones 737-740 
common 738 
naming 738 
properties of 739 
secondary alcohols oxidized to 744, 745 
uses of 739-740 

Kevlar™ 752 
kilogram (kg) 76 
kilometer (km) 74 
kinetic energy 385-386 

average 388-389 
temperature and 388-389 

kinetic theory 385 
effusion rates and 436 
gas properties and 414-415 
liquid properties and 390 

Kirchhoff, Gustav R6 
Knoll, Max 109 

laboratory safety 26-27, R80-R81 
lanthanide series, 162 
lasers 147 
lattice, crystal 397 
laughing gas 269 
Lavoisier, Antoine-Laurent 21, 260 
Lavoisier, Marie Anne 21 
laws, scientific 22, 23 
lead(II) chromate, solubility of 563 
lead poisoning 16 
lead storage battery 264, 668-669 
Le Chatelier, Henri 552 
Le Chatelier’s principle 552-555, 772 
lecithin 776 
Lecoq de Boisbaudran, Paul-Emile R14 
length, units of 74, R46 
Lewis, Gilbert 188, 592 
Lewis acids and bases 592-593 
light 138-140 

speed of (c) 139 
lightning 228 
lignite (brown coal) 714 
lime (calcium oxide) 514 

slaked Rll 
treatment of soil with 573 

limestone caverns (caves) 342, R13 
limiting reagent 368, 369-372 
linear triatomic shape 233 
lipids 775-777 

bilayer 776-777 
phospholipids 776-777 
triglycerides 775-776 
waxes 777 

liquids 41, 390-395 
boiling point of 393-395 
evaporation of 391 
immiscible 473 
miscible 473 
model for 390-391 
supercooled 399 
vapor pressure of 392-393, 394 

liter (L) 75, 81 
lithium 

battery 670 

flame test R7 
lithium carbonate 265, R7, R9 
lithium hydride R7 
Lockyer, Norman 17 
logarithms 599, R78-R79 
Long, Crawford W. 736 
Lucid, Shannon 459 
lye. See sodium hydroxide 

Lyman series 143 
lysosomes 764 

Mackenzie, K. R. R32 
macroscopic world 12 
magnesium 253 

in chlorophyll 165, R12 
corrosion control with 637-638 

ion 190, 192 
production of R10 
reaction with oxygen 331 

reaction with sulfur 633-634 
magnesium chloride 195 
magnesium hydroxide solubility 590 
magnesium sulfide 

composition 274 
formation through redox 633-634 

magnets 53, R29 
permanent R44 

Magnus, Albertus R24 
malleability 40, 201-202 
manganese(IV) oxide 

as catalyst 323 
in dry cells 667-668 

manipulated variable 22 
manometer 393 
mass 39, 287, 288 

atomic 114,115-117 
balanced equation and 357 
conservation of 55, 357, 361 
of electron 105, 114 
heat capacity and 508 
metric units of 76 
molar 294, 295-296, 302, 360 
percent by 305, 486 
percent composition from 305-306 

mass-mass calculations 360-362, 363 
mass-mole calculations 361 
mass-mole relationship 297-299 
mass number 111-112 
mass ratio 274 
mass spectrometer 114 
mass-to-volume ratio 89 
materials, chemistry’s impact on 12,14 
Math Handbook R56-R79 
matter 7 

chemical changes in 48, 53-54. 
classifying 44-52. See also 

compound(s); element(s) 

measuring 287-289. See also 
measurement 

physical changes in 42 
properties of 39-40, 53 
states of. See states of matter 

matter waves 145 

mayonnaise 462 
measurement 63-94 

accuracy and precision of 64 
conversion problems 80-88, R66-R88 

conversion factors 80-81, 83, 359, 
363, 516 

dimensional analysis 81-83, 289 
multistep 85 
unit conversions 84-86 

of density 89, 90-93 
errors in 65 
International System of Units (SI) 

63, 73-79 
Lavoisier’s contributions to 21 
significant figures in 66-72 
using and expressing 63 

medicine (s) 
chemistry and 14 
from nature 18-19 
recombinant DNA technology in 784 

melting 42 
melting point 214, 396 
Mendeleev, Dimitri 156,157,187 
mercury 

barometer 386 
electron configuration 190 
emission spectrum 141 

mercury(II) chloride 453 
mercury(II) oxide decomposition 332 
metabolism 786, 787-790 

anabolism and 788 
ATP and 786-787 
catabolism and 787-788 
nitrogen cycle and 789-790 

metal ions 253-255 
metallic bonds 201-202 
metalloids (semimetals) 160 
metals 158 

activity series of 333, 664 
alkali 161 
alkaline earth 161 
bonding in 201-203 
crystalline structure of 202 
electronegativity of 177 
inner transition 166 
ions of 188-189, 253-255 
noble 636 
octet rule and 188 
physical properties of 201-202 
relative sizes of atoms and ions of 176 
transition 166, 177 

meter (m) 74 
methanal (formaldehyde) 740 
methane 232 

hybrid orbitals in 234 
lack of ionizable hydrogens 589 
molecule of 219-220, 693, 694 
in natural gas 302, 363, 712 
oxidized in steps to carbon dioxide 744 
reaction with oxygen 336, 363 

methyl alcohol (methanol) 733 
methyl group 698 
metric system 73. See also International 

System of Units (SI) 

Meyer, Lothar 156 
microgram (^g) 76 
microliter (/rL) 75, 81 
micronutrients R45 
microscope, electron 109,144 
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microscopic world 12 
milk of magnesia 588, 589 
milligram (mg) 76 
Millikan, Robert A. 105 
milliliter (mL) 75 
mineral deposits at hot spring 474 
mines, coal 714, 715 
miscible liquids 473 
mitochondria 764 
mixtures 44-47, 50-51 

distinguishing substances and 50-51 
of gases, behavior of 432-437 
separating 45, 46-47 

Moissan, Henri R32 
molal boiling-point elevation constant 

494, 495, 496 
molal concentration. See molality 

molal freezing-point depression 
constant 494,495 

molality (m) 491-492 
boiling point elevation and 494-496 
freezing point depression and 494-495 

molar concentration. See molarity 

molar heat of condensation 523 
molar heat of fusion 520 
molar heat of solidification 520 
molar heat of solution 525 
molar heat of vaporization 522 
molarity (M) 480-482 
molar mass 294, 295-296 

from density 302 
molar volume 300 
mole(s) 290-304. See also molarity 

balanced chemical equation and 357 
of contained gas 426 
conversion factors summary 303 
molar mass of compound 295-296 
molar mass of element 293-294 
mole-mass calculations 359-360 
mole-mass relationship 297-299 
mole-volume relationship 300-302 
number of particles in 290-292 

molecular compound 214, 224, 268-270 
binary 268-270 
characteristics of 244 
redox reactions with 635 

molecular formulas 215-216, 311-312 
molecular orbitals 230-231 
molecule(s) 170, 213-214 

attractions between 240-244, 446 
balanced equation and 356 
diatomic 214 
kinetic energy of 388 
polar 239 

mole fraction 492-493 
mole-mass calculations 361, 363 
mole-mole calculations 359-360 
mole ratios 359,363 
monatomic ions 253 

naming 253-255 
of transition metals 254-255 

monomers 747 
mono- prefix 269 
monoprotic acids 588 
monosaccharides 766-767 
monosubstituted halocarbon 734 
moon rocks, analysis of 17 
mortar and pestle 20 
Moseley, Henry 157 
motion, Brownian 460, 461 

Muller von Reichenstein, Franz R28 
multiple proportions, law of 274-275 
muriatic acid. See hydrochloric acid 
mutations, gene 782-783 
Mylar™ 750 
myoglobin 771 

Nagaoka, Hantaro 128 
names, chemical 252-279 

of acids 271-272 
of alcohols 731 
of aldehydes and ketones 738 
of alkanes 696, 698-699 
of alkenes 702 
of bases 273 
of binary ionic compounds 261 
of binary molecular compounds 

268-269 
of carboxylic acids 740 
of compounds with polyatomic ions 

266, 267 
flowchart for 226-277 
of halocarbons 726-727 
laws governing 274-275 
of monatomic ions 253-255 
of transition metal ions 254-255 
of polyatomic ions 257-258 

NASA 10, 13, 17 
natural gas 215, 517, 712 

drilling for 427 
neon 213 

isotopes of 112-113 
neon lights 213, R36, R37 
nephrons 478 
neptunium 808 
net ionic equations 342-343 
network solids 243 
neurotransmission 265 
neutralization reactions 612-617 

acid-base reactions 612-613 
titration 613-614, 615-616 

neutral solution 595 
neutron absorption 811 
neutron activation analysis 818 
neutron moderation 811 
neutrons 106, 108 

discovery of 807 
isotopes and 112 
number of 111 

neutron-to-proton ratio 803, 804 
Newton, Isaac 138 
nitrate ion 257 
nitric acid R25 

concentration of 609 
relative strength of 605 

nitric oxide 224, 228 
nitrogen 21,167, 222 

emission spectrum 141 
isotopes 114, 801 
liquid 110, 428 
molecule 221 
narcosis 431 

nitrogen bases 778-779, 781, 782 
nitrogen cycle 789-790 

nitrogen dioxide 224, 365, 556, R25 
nitrogen fertilizers 790, R26, R27 
nitrogen fixation 167, 789 

industrial 790 
nitrogen monoxide 646 
nitrous acid 607 
nitrous oxide 224, 260, R25 
Nobel, Alfred R26 
noble gases 164, 188, R36-R37 
noble metals 636 
Nomex™ 751, 752 
nonelectrolytes 452-453 
nonmetals 159 

electronegativity of 177 
ionization of 191 
ions of 254 
octet rule and 188 

nonpolar covalent bond 237 
nonspontaneous reactions 567-568 

entropy and 569, 571, 572 
free energy change and 573 

nonsymmetric ethers 735 
normal boiling point 395 
nuclear atom 107-108 
nuclear force 803 
nuclear chemistry 798-819 

fission 810-811 
fusion 813 
half-life 804-806 
nuclear stability and decay 803-804 
nuclear waste 812 
radiation 799-802 

alpha 800, 801 
beta 801-802 
gamma 801, 802 
ionizing 816 
uses for 818-819 

radioactivity 799-800 
transmutation 807-808 

nuclear reactor 811, R39 
nucleic acids 778-785 

DNA 778-780 
DNA fingerprinting 783-784 
gene mutations and 782-783 
genetic code and 780-781 
recombinant DNA technology 

and 784-785 
RNA 778-779 

nucleotides 778 
nucleus, atomic 106, 107-108, 764 

stability of 800 
numeric problems, solving 29 
nylon 9, 751 

observation 22 
octahedral shape 233 
octane rating, gasoline 50, 716-717 
octet rule 188, 217 

exceptions to 228-229 
odors 

of aldehydes and ketones 739 
of aliphatic carboxylic acids 741 
of esters 741 

Oersted, Hans Christian R14 
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oil(s) 775, 776 
and vinegar 45, 46, 473 

oil spill 700 
olivine R18 
optical isomers 705-706, 769 
orbit, electron 128 
orbital(s) 

atomic 131-132, 230 
bonding 230 
hybrid 234-236 
molecular 230-231 

order of reaction 576 
organelles 764 
organic chemistry, defined 8,693 
organic chemists 701 
organic compounds, 693 

classified by functional group 726 
organic dyes 754-755 

and aromatic compounds 711 
organic reactions, rate of 728 
Ostwald process R25 
-ous suffix 255, 272 
oxidation 631, 633, 743. See also 

redox reactions 
in cells 786-788 
processes leading to 635 

oxidation-number-change method 
647-649 

oxidation numbers 639-643 
assigning 639-641 
reactions and 642-643 
of transition metals R41 

oxidation-reduction reactions. See 
redox reactions 

oxidizing agent(s) 634 
in explosions R12, R26 

oxygen 21, 217 
in combustion reactions 336, 339 
isotopes 114 
large-scale production of R28 
molecular 215, 221 
paramagnetic R29 
as product of photosynthesis 765 

reactions 
with carbon monoxide 532 
with methane 336, 363 
redox 631-632 
with sulfur dioxide 549-551, 554 

uses of R29 
in water formation 635 

oxyhydrogen torch 635 
ozone 217, 227 

ozone layer 217, R31 

paint 
corrosion protection by 637 
lead-based 16 
pigments 168-169 

paradichlorobenzene 295 
partial pressure of gases 432 
particle size 

reaction rates and 546 
solution formation and 472 

pascal (Pa) 387 
Paschen series 143 
patina 636 
Pauli exclusion principle 134 
Pauling, Linus 177 
peat 714 
penicillin 20 
peptide 770, 780 
peptide bond 770 
peptide chains 771, 772 
percent by mass 305 

of fertilizers R27 
percent composition 305-308 

from chemical formula 307 
from mass data 305-306 

percent error 65 
percents 117, R72-R73 
percent solutions 485-486 
percent yield 372-375 
Perey, Marguerite R6 
period 118 
periodic law 157 
periodic table 118,154-185 

and electron configurations 164, 
166-167 

ionic charges in groups in 254 
long form of 118 
of Mendeleev 156 
metalloids 160 
metals 158 
nonmetals 159 
organizing principle 155 
periodic law 157 
squares in 161 
transition elements 166 

periodic trends 170-178 
in atomic size 170-171 
in electronegativity 177 
in ionic size 176 
in ionization energy 173-175 

permanent magnets R44 
perspective drawing 215 
perspiration 391, R8 
petroleum 713 
pH 596-604 

of blood 618 
calculating 596-598 
measuring 600-603 
of rainfall R27 
significant figures and 598-600 
of soil 603 
of swimming pools R34 

pharmacists 256 
phase 45 
phase diagram 402-403 

of carbon R19 
of water 403 

phenolphthalein 600, 614 
phenols 731 
phenyl group 711 
phlogiston 21 
pH meters 603 
phosphate ion 257 
phosphate groups 

in ADP and ATP 786-788 
in lipids 776 
in nucleic acids 778-779 

phospholipids 776-777 
phosphoric acid 272, R25 

concentration of 609 
dissociation constant 607 
relative strength of 605 

phosphorous acid 272 
phosphorus 640 

allotropes R24 
in fertilizers R27 

phosphorus pentachloride 229 
phosphorus trichloride 229 
phosphorylation 786, 787 
photochemical smog 365 
photoelectric effect 144 
photographer 10 
photons 144 
photosynthesis 568, 764-765 
physical changes 42, 53, 55 
physical chemistry 8 
physical constants R49 
physical property 40, 46 
phytoremediation R44 
pi bonds 231, 235 
pigments 168-169, 255 
plants 

biodiesel from 13 
photosynthesis in 568, 764-765 
potato 15 

plasma TV 259 
plasminogen activator (TPA) 784 
plaster of paris 260 
plastics, recycling R23 
platform balance 76 
platinum 546, 636 

in catalytic converters R42 
Plato 101 
plum-pudding model 106,128 
plutonium 808 
plutonium-239 810 
pOH 598 
poison control center 276 
poison dart frog 19 
polar covalent bonds 237, 238-245 
polar molecules, 239-240, 446 

solubility in water 450 
pollutants 16 
pollution 

prevention of 16, R27, R31, R42 
thermal 475, R22 

polyamides 751-752 
polyatomic ion(s) 223, 257-258 

names and charges of R54 
polyesters 750 
polyethylene 747-748 

recycling R23 

terephthalate (PET) 750 
polyisoprene 749 
polymer 747 

addition 747-749 
condensation 750-752, 767, 770 
silicone R23 

polypropylene 748 
polysaccharides 767-768 
polytetrafluoroethene (PTFE) 749 
polyvinyl chloride (PVC) 748-749 
p orbitals 131, 231 
positron 804 
potash 260 
potassium 640, 645, R6, R7 

flame test R7 
ion 192, R8 
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potassium carbonate 260, 334-335 
potassium chloride 262, 334-335, 613 
potassium chromate 305, 640 
potassium dichromate 305, 640 
potassium hydroxide 589, 590 

formation of 333, 645 
potassium nitrate R7 
potassium permanganate 613 
potassium superoxide R7 
potential energy, chemical 505 
precipitate 54, 334, 342, 344-345 

scale 561 
precipitation reactions 345 
precision 64 
prefixes, metric 74 
pressure 

atmospheric 386 
boiling point and 394-395 
equilibrium and 554-555 
gas 386-388,415-417 
solubility and 476-477 
units of 387 
vapor 392-393, 394 

pressure cooker 394, 422 
Priestley, Joseph R28 
primary alcohol 730 

oxidized to aldehyde 744, 745 
principal quantum numbers (n) 131-132 
prism 126, 141 
problem-solving approaches 28-32 
product(s) of reactions 53 

amount of 354, 368, 369 
mass of 55 

productivity, agricultural 15 
professor of chemistry 579 
prokaryotic cells 763-764 
propane 292, 695 

in natural gas 712 
propanone (acetone) 740 
propene 748 
propyl group 698 
protein(s) 752, 770-771 

channels through cell 
membranes 777 

enzymes 547, 772-773, 777 
as products of genes 780 

protons 106, 108, 110, 807, 813 
pseudo noble-gas electron 

configuration 190 
pure chemistry 9 
pure substances 40 
pyramidal shape 233 
pyrite 187,197 
pyrophyllite R18 

quality control chemists 654 
quantum 128 
quantum mechanical model 130, 

138-145 
atomic spectra 141-143 
vs. classical mechanics 145 

light 138-140 
quarks 106 
quinine 18 

radiation 799-802 
alpha 800, 801 
beta 801-802 
detecting 816-817 
electromagnetic 139 
gamma 801, 802 
ionizing 816 
radioactivity and 799-800 
uses of 818-819 

radiation therapy 819 
radioisotopes 799-800 

medical applications of 819 
as tracers 818-819 

radium R10, Rll 
radius 

atomic 170-171, 175 
ionic 175 

Ramsay, William 17, R36 
rate 542 
rate laws 575-577 
reactant 53 

amount of 354 
mass of 55 

reaction mechanisms 578 
reaction progress curve 578 
reaction rates 541, 542-547 

catalysts and 546-547 
collision theory and 541, 542-544 
concentration and 545 
particle size and 546 
temperature and 545 

reactions. See chemical reactions 
realgar 165 
recombinant DNA technology 784-785 
redox reactions 630-655, 743-745. See 

also electrochemistry 
balancing 645-653 

choosing method for 653 
half-reaction method 650-652 
oxidation-number-change method 

647-649 
corrosion 636-638 
electron shift in 633 
identifying 645-647 
ions formed during 633-634 
with molecular compounds 635 
oxidation numbers 639-643 
with oxygen 631-632 
spontaneous 663-664, 675 

reducing agent(s) 634 
in fireworks shells R12 

reduction 632, 633, 743. See also 
redox reactions 

hydrogenation as 735 
processes leading to 635 

reduction potential 671 
refining, petroleum 713 
Reich, Ferdinand R14 
representative elements 164-165 
representative particle(s) 290 

conversion to moles 290-291 
reproducibility of results 64 
research 

funding of 11, 24 
types of 9 

resonance structure 227-228 
in benzene molecule 710 

responding variable 22 
retinal 704 
reversible physical changes 42 
reversible reactions 549-551 
rhodium, in catalytic converters R42 
ribosomes 764 
Richter, Hieronymus T. R14 
RNA 778-779 
robotic vehicle 17 
rock candy, crystallization 475 
room temperature 40 
rounding 68-69 
Royal Society of London for the 

Promotion of Natural Knowledge 21 
rubber 749 
rubidium, flame test R7 
Ruska, Ernst 109 
rust 53, 299, 322, 631, 632, 636 
Rutherford, Daniel R24 
Rutherford, Ernest 106, 128, 807 

nuclear model of atom 107-108, 
127,128 

rutile (titanium dioxide) 197 
crystal structure of 198 

safety, laboratory 26-27, R80-R81 
salt. See sodium chloride 
salt bridge 665 
salt pans 165, 194 
salts 161 

in buffers 620-622 
hydrated 454-456 
hydrolysis of 618, 619-620 
as products of neutralization 

reactions 612 
in solution 618-622 

saponification 776 
saturated compounds 702 
saturated solution 472, 473 
scale (deposit) 561 
scale(s) 65, 66, 287 

calibration of 66 
scale models 88, 127 
Scheele, Carl R28, R32 
Schrodinger, Erwin 129, 130 
scientific laws 22, 23 
scientific measurement. See 

measurement 
scientific notation 63,85, R56-R58 
scientific thinking 20-25 

alchemy and 20 
experimental approach 21 
scientific method 22-23 

scintillation counter 817 
scintillations 461 
scrubbers R27 
scuba diving 430-431 
SEAgel insulation 13 
sea-of-electrons model 201-202 
secondary alcohol 730, 744, 745 
seed crystal 474 
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Segre, Emilio R32 
selenium, in food R30 
self-ionization 594-595 
semiconductors R21 
semimetals. See metalloids 

Shakespeare, William 253 
sickle cell anemia 782 
sigma bonds 230-231, 235 
significant figures 66-72, 362, R59-R61 

in addition and subtraction 70 
in measurements 66-68 

in multiplication and division 71 
pH and 598-600 
in rounding 68-69 

silica gel 457 
silicon 160, 187 

as semiconductor R21 
silicon carbide 243, 270 
silicon dioxide (silica) 

in glassmaking R19, R20 
reduction of R18 

silicates R18, R19 
silk 353 

spider 43 
silver 50 

ions 190, 255 
tarnish removal from 326 

silver bromide 564, 613 
silver chloride 342, 343, 560 
silver nitrate 613, 642 

reactions of 328, 342 
simple cubic unit cell 398 
simple sugars 766-767 
single covalent bond 217-220 
single-replacement reactions 333-334, 

337, 338 
sinkholes 471 
SI units. See International System of 

Units (SI) 

skeleton equation 323, 324, 325 
smog, photochemical 227, 365 
soaps 462, 588, 776 
sodium 161, 165, 589 

flame test R7 
ion 172, 188-189, 192, 253-254 
production of R6 
properties of 49 
vapor lamps 140, 189, R8 

sodium azide 359 
sodium bicarbonate (baking soda) 

260, 515, R7 
sodium bromide 261 
sodium carbonate (washing soda) 590, 

613,619 
sodium chloride 253, 613 

chemical formula of 195 
crystal structure of 186, 196, 198, 396 
dissociation of 453 
electrolysis of molten R6 
harvesting of 194 
properties of 49 
reaction with silver nitrate 342 
in solution 487-488 
X-ray pattern of 170 

sodium chromate 278 
sodium ethanoate 

hydrolysis of 619, 620 
solubility of 474 

sodium hydrogen carbonate 258, R7 

decomposition of 373, 515 
sodium hydroxide 589, 590, 595 

deliquescent 457 
heat of solution 525 
production of 678 
uses of 273, R7 

sodium hypochlorite 266, 631, R7 
sodium perborate 631 
sodium percarbonate 631 
sodium sulfate 565 
sodium sulfide 567 
sodium thiosulfate 189 
soil 

pH of 603 
treatment with lime 573 

solar fusion 813 
solar panels 79 
solar power plants 518-519 
solidification, heat of 520-522 
solids 41, 396-399 

amorphous 399 
crystal structure and unit cells 

396-398 
model for 396 
network 243 
non-crystalline 399 

solid state chemists 404 
solubility 472, 473-477 

of alcohols 732 
of aldehydes and ketones 739 
of carboxylic acids 741 
of esters 742 
of ethers 736 
of gases 476 
of ionic compounds in water 560-564 
of phospholipids 776 
pressure and 476 
rules for ionic compounds 344 
temperature and 474-475 

solubility equilibrium 560-565 
common ion effect and 563-564 

solubility product constant 560, 561-562 
solute 450 
solution(s) 45, 450-458, 471-497. See 

also solubility 
acidic 595 
alkaline 595 
basic 595 
buffer 620-622 
colligative properties of 487-496 
colloids vs. 460 
concentrations of 480-486 
dilute 480, 483 
electrical conduction in 452-453 
electrolytes and nonelectrolytes 

452-453, 458 
formation of 451, 471-472 
heat of 525-526 
hydrates 454-457 
light scattering and 461 
properties of 462 
salt hydrolysis in 618-622 
saturated 472, 473 
solvents and solutes 450 
standard 615 
supersaturated 474-475 
suspensions vs. 459 
unsaturated 473 
vapor pressure of 487-488 

solvation 451, 472 
solvents 450 
s orbitals 131, 230 
Sorensen, Soren 596 
space exploration, chemistry and 10, 17 
space-filling model 215 

of alcohols 732 
of aldehydes and ketones 737 
of ammonia 215, 219 
ofbenzene 710 
of branched-chain alkanes 698 
of butane 695 
of crystals 195, 202, 396, 398 
of cyclic hydrocarbons 709 
of ethane 215, 694 
of ethers 735 
of halocarbons 726 
of methane 219, 694 
of polyatomic ions 257 
of propane 695 
of water 214, 219, 446 

specific heat 508-510 
specific rate constant 575 
spectator ion 343 
spectroscopists 146 
spectrum 139 

atomic 141-143 
speed 541 
spider silk 43 
spontaneous reactions 566, 567-573 

entropy and 568-570 
free energy and 571-573 

square planar shape 233 
stability, nuclear 803-804 

band of 803 
stainless steel 45, 50,159 
standard atmosphere (atm) 387-388 
standard cell potentials 672 

calculating 675-677 
standard heat of formation 530-532 
standard heat of reaction 530 
standard hydrogen electrode 672 
standard reduction potentials 672-675 
standard solution 615 
standard state 530 
standard temperature and pressure 

(STP) 300-301 
starches 766, 767-768 
states of matter 41-42, 384-404 

changes of 401-403 
gas(es) 41, 42, 385-389, 413-436 

diffusion of 435, 437 
kinetic energy and 388-389 
laws 418-425 
pressure 386-388, 415-417 
ideal 426-429 
model for 385-386 

intermolecular attractions and 240 
liquid(s) 41, 390-395 

boiling point of 393 -395 
evaporation of 391 
model for 390-391 
vapor pressure of 392-393, 394 

solids 41, 396-399 
amorphous 399 
crystal structure of 396-398 
model for 396 
network 243 
non-crystalline 399 
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Staudinger, Hermann 9 
steel 204, 205, 262, 508 

composition of 203, R43 
corrosion of 636 
stainless 45, 50, 159 

stereoisomers 705-706 
sterling silver 203 
Stock system 254-255 
stoichiometry 352-353, 354-377 

equations 353-358 
balanced 353-355, 369 
interpreting 356-358 

limiting reagent 368, 369-372 
mass-mass calculations 360-362, 363 
mole-mass calculations 361, 363 
mole-mole calculations 359-360 
percent yield 372-375 
volume-volume calculations 365-366 

stone conservators 611 
STP 300-301,387 
straight-chain alkanes 695 
strip-mining 714, 715 
strong acids 605-607 
strong bases 608-609 
strong electrolyte 453 
strontium 

flame test Rll 
isotopes Rll 

strontium fluoride 261 
structural formula 218 

for alkanes 696-697 
condensed 696 
to represent organic molecules 694 

structural isomers 704, 766 
styrene, polymerization of 748 
subatomic particles 104-106 
sublimation 401-402 
subscripts, in chemical formulas 52 
substances 40, 50-51 
substituent 697, 698, 725. See also 

functional groups 

halogen 726-727, 728 
substituted aromatic compounds 

710-711 
substitutional alloy 203 
substitution reactions 728-729 
substrates 772 
sucrose 48, 67 

decomposition of 48, 49, R29 
sulfate ion 192, 257 
sulfide ion 254 
sulfites 548, R31 
sulfur 165, 640 

combustion of R30 
crystalline 114, R28 
deposits 165, R28 
oxidation numbers of 650 
reaction with copper 370 
reaction with magnesium 633-634 

sulfur dioxide 224, 548 
in reversible reaction 549-551, 554 
from volcanoes 7 

sulfur hexafluoride 229, 269 
sulfuric acid 272, 592, R30 

concentration of 609 
relative strength of 605 

sulfur trioxide 224, 295 
in reversible reaction 549-551,554 

Sumner, James B. 772 

sunscreens R45 
supercooled liquids 399 
supercritical fluid R20 
supersaturated solution 474-475 
surfactant 340, 447, 448 
surroundings 506 
suspensions 459, 460-462 
symbiotic bacteria 790 
symbols 

and abbreviations R53 
chemical 51-52 
in chemical equations 323 
of common elements R53 

symmetric ethers 735 
synthesis reactions (combination 

reactions) 330-331, 337, 338 
system 506 
Systeme International d'Unites, Le (SI) 73 

table salt. See sodium chloride 

technology 9, 11 
teletherapy 819 
tellurium 157 
temperature 77 

density and 91 
equilibrium and 554 
gas pressure and 417 
Kelvin 389 
kinetic energy and 388-389 
reaction rates and 545 
solubility and 474-475 
solution formation and 472 
units of 77-78 
vapor pressure and 392-393, 394, 494 

termination code words 781 
tertiary alcohol 730, 745 
tetrafluoroethene 749 
tetrahedral angle 232 
tetrahedral shape 233, R19 
Thenard, Louis-Jacques R14 
theoretical yield 372-373 
theory 22, 23 
thermal pollution 475 
thermochemistry 505-533 

calorimetry 511-513 
energy transformations 505 
enthalpy 511-517 
exothermic and endothermic 

processes 506-507 
heat capacity 508-509 
heat flow measurement 507 
heat of condensation 523 
heat of fusion 520-522 
heats of solidification 520, 521 
heat of solution 525-526 
heat of vaporization 522-524 
heats of reaction 514-516, 527-533 

Hess’s law of heat summation 527-529 
standard heat of formation 530-532 

specific heat 508-510 
thermochemical equations 514-517 

thermometers 77 
thin films 405 
Thomson, J.J. 104-105, 106, 108, 128 
thorium-234 isotope 801 
thymine 778, 779 
thyroid gland 819 
tin, cations of 255 
tin(II) fluoride (stannous fluoride) 261 
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titanium alloys 203 
titanium dioxide 

crystal of 197, 198 
in suncreens R45 

titration 613-614, 615-616 
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acid-strong base 618 
tooth decay, preventing R34 
topaz 397 
tourmaline 397 
tracers 818-819 
trans configuration 705 
transformations, nuclear 803-809 

half-life 804-806 
nuclear stability and decay 803-804 
transmutation 807-808 

transition metals 166, R40-R45 
electronegativity of 177 
ions of 190, 254-255 
as micro nutrients R45 
oxidation states of R41 
trends in atomic size of R41 

transition state (activated complex) 544 
transmutation 807-808 
transuranium elements 808 
Travers, Morris R36 
triglycerides 775-776 
trigonal bipyramidal shape 233 
trigonal planar shape 233 
triple covalent bond 221-222, 703 
triple point 402, 403 
triprotic acids 588 
tritium 113, R38 
T-shaped molecule 233 
Tyndall effect 460, 461 

unit cell 398 
unit conversions 84-86 
universe 506 

chemistry and study of 17 
unsaturated compounds 702 

test for 734 
unsaturated hydrocarbons 702-703 

alkenes 702, 703 
alkynes 703 

unsaturated solution 473 
unshared pair of electrons 218 
uranium-235 isotope 810 
uranium-238 isotope 800, 801, 805, 807 
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urea 693 
urease 772 
uracil 778 
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vacuum 386 

valence electrons 187-188 

Valentine, Basil R24 

vampire bat 19 

vanadium, oxidation states of R41 

van derWaals, Johannes 240 

van derWaals forces 240, 701, 703 

vanillin 739 

vapor 42 

vaporization 391 

heat of 522-524 

vapor pressure 392-393, 394 

of hydrates 455 

lowering of in solution 487-488 

sublimation and 401 

temperature vs. 494 

variables 22 

Vauquelin, Nicholas R10 

vinegar 45, 46, 473, 609 

volatility 392 

Volta, Alessandro 665 

voltaic cell 671,675 

volume 39, 287, 288 

of gas 41, 42, 300, 357,428 

vs. pressure 300, 416, 419-419 

vs. temperature 420-421 

at STP 301 

of liquids and solids 41 

metric units of 75 

molar 300-301 

percent by 485 

volume-mole relationship 300-302 

volume-volume calculations 365-366 

VSEPR theory 232-233 

w 

washing soda (sodium carbonate) 

590, 619 

waste, nuclear 812 

wastewater engineers 452 

water 214, 233, 274, 445-449 

ammonia dissolved in 453, 592 

calcium oxide and 514 

conservation of 15 

density of 448-449 

diethyl ether and 473 

distillation of 47 

drinking 452, 463, 480 

electrolysis of 364, 680 

ethanol and 473 

ethylene glycol and 473 

for firefighting 340-344 

formation of 635 

heating curve for 523 

heat of formation of 530 

hydration reaction with alkene 734 

of hydration (crystallization) 454 

hydrogen bonding in 446 

ion-product constant for 595-596 

in liquid state 445-448 

molar heat of vaporization of 522 

molecular formula of 215 

molecular structure of 216 

molecule of 218, 446 

oxidation numbers of elements in 640 

percent composition of 306 

phase diagram of 403 

reaction with potassium 333, 645 

reaction with sodium 589 

reactions in. See aqueous solution(s) 
self-ionization of 594-595 

sodium chloride compared to 214 

in solid state 448-449 

solubility of alcohols in 732 

solubility of ionic compounds in 475, 

560-561 

specific heat of 508-509 

states of 41, 401 

surface tension of 447 

vapor pressure of 447 

Watson, James 779 

wavelength (X) 138, 139 

waxes 777 

weak acids 605-607 

weak bases 608-609 

weak electrolyte 453 

weather balloons 425 

weight 76 

weighted average 115 

willow bark 18 

Winkler, Clemens R18 

Wohler, Friedrich 693 

wulfenite 197 

wood alcohol 733 

work 505-510 

wrought iron 201 

xenon-ion engines R37 

xylenes (dimethylbenzenes) 711 

yields sign 323 

ytterbium sulfate 474 

z 

zero(s) 

absolute 77 

significant figures and 66-67 

zinc 202, 645 

cation 255 

corrosion control with 638 

reaction with copper sulfate 663-664 

reaction with copper nitrate 333 

in voltaic cell 665-667 

zinc chloride 645 

zircon 397 
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