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The second edition of Atoms First by Burdge and Overby builds on the innovative approach 

established in the first edition—focusing on helping students construct the “story of chemistry,” 

beginning with the atom. Changes are intended to make the story flow even better, while maintaining 

and expanding the student-centered pedagogical features that have made this book so popular with 

professors and students alike.

Worked Examples
Each Worked Example is now followed by three Practice Problems: Attempt, Build, and 
Conceptualize.

Practice Problem A (now called “Attempt”) asks the student to apply the same Strategy to 
solve a problem very similar to the Worked Example. In general, the same Setup and series of steps 
in the Solution to the Worked Example can be used to solve Practice Problem A.

Practice Problem B (now called “Build”) assesses mastery of the same skills as those required 
for the Worked Example and Practice Problem A, but everywhere possible, Practice Problem B 
employs a slightly different perspective and cannot be solved using the same Strategy used for the 
Worked Example and for Practice Problem A. This provides the student an opportunity to develop 
a strategy independently, and combats the tendency that some students have to want to apply a 
“template” approach to solving chemistry problems.

Practice Problem C (called “Conceptualize”) provides an exercise that probes the student’s 
conceptual understanding of the material. Practice Problems C are new to this edition and 
most employ concept and molecular art. Some Practice Problems Attempt and Build have been 
incorporated into the problems available in McGraw-Hill Connect and can be used in online 
homework and/or quizzing.22 ChAPTeR 1 Chemistry: The Science of Change

Worked example 1.8

An average adult has 5.2 L of blood. What is the volume of blood in cubic meters?

Strategy There are several ways to solve a problem such as this. One way is to convert liters to 
cubic centimeters and then cubic centimeters to cubic meters.

Setup 1 L = 1000 cm3 and 1 cm = 1 × 10–2 m. When a unit is raised to a power, the corresponding 
conversion factor must also be raised to that power in order for the units to cancel appropriately.

Solution

5.2 L ×   1000 cm3

 ________ 
1 L

   ×  (   1 × 10–2 m __________ 
1 cm

   ) 
3

 = 5.2 × 10–3 m3

Think About it
Based on the preceding conversion factors, 1 L = 1 × 10–3 m3. Therefore, 5 L of blood would be equal to  
5 × 10–3 m3, which is close to the calculated answer.

Practice Problem A t t e m p t  The density of silver is 10.5 g/cm3. What is its density in kg/m3?

Practice Problem b u i l d  The density of mercury is 13.6 g/cm3. What is its density in pounds 
per cubic foot (lb/ft3)? (1 lb = 453.6 g, 1 in = 2.54 cm)

Practice Problem c onceptuAlize  
Each diagram [(i) or (ii)] shows the objects 
contained within a cubical space. In each 
case, determine to the appropriate number of 
significant figures the number of objects that 
would be contained within a cubical space 
in which the length of the cube’s edge is 
exactly five times that of the cube shown in 
the diagram.

Section 1.6 Review

Using Units and Solving Problems
1.6.1 Convert 43.1 cm3 to liters.

1.6.2 What is the volume of a 5.75-g object that has a density of 3.97 g/cm3?

1.6.3 The density of lithium metal is 535 kg/m3. What is this density in g/cm3?

1.6.4 How many cubic centimeters are there in a cubic meter?

Learning Outcomes

• Identify the key components of the scientific method.
• Differentiate between states of matter.
• Determine whether a mixture is heterogeneous or 

homogeneous.
• Categorize properties of matter as being quantitative or 

qualitative; physical or chemical; extensive or intensive.
• Recall the common base SI units of measurement and 

their associated symbols.
• Utilize SI unit prefixes.

• Perform conversions between different temperature 
scales.

• Apply derived units, such as volume and density, to 
perform calculations.

• Apply significant figure rules in calculations.
• Distinguish between accuracy and precision.
• Utilize conversion factors to conduct unit conversions.
• Apply dimensional analysis toward solving problems 

with multiple steps or conversions.

(i) (ii)(i) (ii)
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New Pedagogy
A description of each Key Equation helps students identify and understand the purpose of each 
equation, including how to apply it, and when it is appropriate to do so.

All of the end-of-chapter problems outside of the Additional Problems are clearly categorized 
and grouped under the heading of Conceptual Problems or Computational Problems.

Chapter Summary
SeCTion 1.4
• Scientists use a system of units referred to as the International 

System of Units, or SI units.
• There are seven base SI units including the kilogram (for mass) 

and the kelvin (for temperature). SI units for such quantities as 
volume and density are derived from the base units. Some com-
monly used units are not SI units, such as the degree Celsius, the 
atomic mass unit (amu), and the angstrom (Å).

SeCTion 1.5
• Measured numbers are inexact. Numbers that are obtained by 

counting or that are part of a definition are exact numbers.
• Significant figures are used to specify the uncertainty in a mea-

sured number or in a number calculated using measured num-
bers. Significant figures must be carried through calculations so 
that the implied uncertainty in the final answer is reasonable.

• Accuracy refers to how close measured numbers are to a true 
value. Precision refers to how close measured numbers are to 
one another.

SeCTion 1.6
• A conversion factor is a fraction in which the numerator and 

denominator are the same quantity expressed in different units. 
Multiplying by a conversion factor is unit conversion.

• Dimensional analysis is a series of unit conversions used in the 
solution of a multistep problem.

SeCTion 1.1
• Chemistry is the study of matter and the changes matter 

undergoes.
• Chemists do research using a set of guidelines and practices 

known as the scientific method, in which observations give rise 
to laws, data give rise to hypotheses, hypotheses are tested with 
experiments, and successful hypotheses give rise to theories, 
which are further tested by experiment.

SeCTion 1.2
• All matter exists either as a substance or as a mixture of sub-

stances. A mixture may be homogeneous (uniform composition 
throughout) or heterogeneous. Mixtures may be separated using 
physical processes.

SeCTion 1.3
• Substances are identified by their quantitative (involving num-

bers) and qualitative (not involving numbers) properties.
• Physical properties are those that can be determined without 

changing the identity of the matter in question. A physical 
change is one in which the identity of the matter involved does 
not change.

• Chemical properties are determined only as the result of a 
chemical change or chemical process, in which the original 
substance is converted to a different substance. Physical and 
chemical properties may be extensive (dependent on the amount 
of matter) or intensive (independent of the amount of matter).

Key Words
Accuracy, 18
Angstrom (Å), 10
Atomic mass unit (amu), 9
Celsius, 10
Chemical change, 7
Chemical process, 7
Chemical property, 7
Chemistry, 3
Conversion factor, 20

Density, 12
Dimensional analysis, 20
Extensive property, 7
Heterogeneous mixture, 5
Homogeneous mixture, 5
Hypothesis, 3
Intensive property, 8
International System of  

Units, 9

Kelvin, 10
Law, 3
Mass, 9
Matter, 3
Mixture, 5
Physical change, 7
Physical process, 6
Physical property, 7
Precision, 18

Qualitative, 7
Quantitative, 7
Scientific method, 3
SI unit, 9
Significant figures, 14
Substance, 5
Theory, 3

Key Equations

1.1 K = °C + 273.15
Temperature in kelvins is determined by adding 273.15 to the 
temperature in Celsius. Often we simply add 273, depending on the 
precision with which the Celsius temperature is known.

1.2 temperature in °F =   9°F ____ 
5°C

   × (temperature in °C) + 32°F Temperature in Celsius is used to determine temperature in Fahrenheit.

1.3 d =   m __ 
V 

  
Density is the ratio of mass to volume. For liquids and solids, densities 
are typically expressed in g/cm3.

 K e y e Q UAT i o n S  23
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Questions and Problems
 1.13 Determine which of the following properties are 

intensive and which are extensive: (a) length,  
(b) volume, (c) temperature, (d) mass.

Computational Problems

 1.14 Determine whether the following statements describe 
chemical or physical properties: (a) Oxygen gas 
supports combustion. (b) Ingredients in antacids 
reduce acid reflux. (c) Water boils above 100°C in a 
pressure cooker. (d) Carbon dioxide is denser than air. 
(e) Uranium combines with fluorine to form a gas.

 1.15 Classify the following as qualitative or quantitative 
statements, giving your reasons. (a) The sun is 
approximately 93 million miles from Earth. (b) Leonardo 
da Vinci was a better painter than Michelangelo. (c) Ice 
is less dense than water. (d) Butter tastes better than 
margarine. (e) A stitch in time saves nine.

 1.16 Determine whether each of the following describes 
a physical change or a chemical change: (a) A soda 
loses its fizz and goes flat. (b) A bruise develops on 
a football player’s arm and gradually changes color. 
(c) A pile of leaves is burned. (d) Frost forms on a 
windshield after a cold night. (e) Wet clothes are hung 
out to dry in the sun.

 1.17 Determine whether each of the following describes a 
physical change or a chemical change: (a) The helium 
gas inside a balloon tends to leak out after a few hours. 
(b) A flashlight beam slowly gets dimmer and finally 
goes out. (c) Frozen orange juice is reconstituted by 
adding water to it. (d) The growth of plants depends  
on the sun’s energy in a process called photosynthesis. 
(e) A spoonful of sugar dissolves in a cup of coffee.

SeCTion 1.4: SCienTifiC MeASUReMenT
Review Questions

 1.18 Name the SI base units that are important in chemistry, 
and give the SI units for expressing the following:  
(a) length, (b) volume, (c) mass, (d) time, (e) temperature.

 1.19 Write the numbers represented by the following prefixes: 
(a) mega-, (b) kilo-, (c) deci-, (d) centi-, (e) milli-,  
(f) micro-, (g) nano-, (h) pico-.

 1.20 What units do chemists normally use for the density of 
liquids and solids? For the density of gas? Explain the 
differences.

 1.21 What is the difference between mass and weight? If a 
person weighs 168 lb on Earth, about how much would 
the person weigh on the moon?

 1.22 Describe the three temperature scales used in everyday 
life and in the laboratory: the Fahrenheit, Celsius, and 
Kelvin scales.

Computational Problems

 1.23 Bromine is a reddish-brown liquid. Calculate its density 
(in g/mL) if 586 g of the substance occupies 188 mL.

 1.24 The density of ethanol, a colorless liquid that is 
commonly known as grain alcohol, is 0.798 g/mL. 
Calculate the mass of 17.4 mL of the liquid.

SeCTion 1.1: The STUdy of CheMiSTRy
Review Questions

 1.1 Define the terms chemistry and matter.
 1.2 Explain what is meant by the scientific method.
 1.3 What is the difference between a hypothesis and a 

theory?

Computational Problems

 1.4 Classify each of the following statements as a 
hypothesis, law, or theory. (a) Beethoven’s contribution 
to music would have been much greater if he had 
married. (b) An autumn leaf gravitates toward the ground 
because there is an attractive force between the leaf and 
Earth. (c) All matter is composed of very small particles.

 1.5 Classify each of the following statements as a 
hypothesis, law, or theory. (a) The force acting on  
an object is equal to its mass times its acceleration.  
(b) The universe as we know it started with a big bang. 
(c) There are many civilizations more advanced than 
ours on other planets.

SeCTion 1.2: ClASSifiCATion of MATTeR
Review Questions

 1.6 Give an example for each of the following terms:  
(a) matter, (b) substance, (c) mixture.

 1.7 Give an example of a homogeneous mixture and an 
example of a heterogeneous mixture.

Conceptual Problem

 1.8 Identify each of the diagrams shown here as a solid, 
liquid, gas, or mixture of two substances.

(a) (b) (c) (d)

Computational Problem

 1.9 Classify each of the following as a pure substance, a 
homogeneous mixture, or a heterogeneous mixture: 
(a) seawater, (b) helium gas, (c) salt, (d) diet cola, (e) a 
milkshake, (f) bottled water, (g) concrete, (h) 24K gold, 
(i) liquid nitrogen.

SeCTion 1.3: The PRoPeRTieS of MATTeR
Review Questions

 1.10 What is the difference between a qualitative property 
and a quantitative property?

 1.11 Using examples, explain the difference between a 
physical property and a chemical property.

 1.12 How does an intensive property differ from an 
extensive property?
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New and Updated Chapter Content
Chapter 2—A new section (2.4) has been added to introduce the concept of nuclear stability and 
provide students insight into why some nuclei are stable, and others are not.

42 CHAPTer 2 Atoms and the Periodic Table

Figure 2.9 shows a plot of the number of neutrons versus the number of protons in various isotopes. 
The stable nuclei are located in an area of the graph known as the belt of stability. Most radioac-
tive nuclei lie outside this belt. Above the belt of stability, the nuclei have higher neutron-to-proton 
ratios than those within the belt (for the same number of protons). 
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Figure 2.9 Plot of neutrons versus 
protons for various stable isotopes, 
represented by dots. The straight line 
represents the points at which the 
neutron-to-proton ratio is 1. The shaded 
area represents the belt of stability.

TA b l e  2 . 2  Number of Stable Isotopes with Even and 
Odd Numbers of Protons and Neutrons

Protons Neutrons Number of stable isotopes

Odd Odd 4

Odd Even 50

Even Odd 53

Even Even 164

Section 2.4 Review

Nuclear Stability

2.4.1 What is the density of the nucleus of an oxygen-16 atom with a nuclear radius of  
6.05 × 10–3 pm and a mass of 16 amu?

2.4.2 Which of the following isotopes are predicted to be unstable?

 (a) 46Ti (b) 20Ne (c) 72Rb
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Chapter 6—A small section on Lewis acids and bases has been added in conjunction with 
Lewis structures. The importance of the Lewis concept of acids and bases—and the importance 
of molecular structure in determining acid-base properties are critical to a student’s understanding 
of chemical reactivity; and we believe it is beneficial to introduce it early in this context. (More 
comprehensive coverage of Lewis acids and bases also remains in Chapter 16.)

Chapter 7—We have added a graphic to illustrate more clearly the axial and equatorial 
positions in trigonal bipyramidal structures. 

223s e C T I O N 7.1    Molecular Geometry

which represents the central atom (A). When they are as far apart as possible, they adopt the five 
geometries shown in the figure. When there are only two balloons, they orient themselves to point 
in opposite directions [Figure 7.1(a)]. With three balloons, the arrangement is a trigonal plane 
[Figure 7.1(b)]. With four balloons, the arrangement adopted is a tetrahedron [Figure 7.1(c)]. With 
five balloons, three of them adopt positions in a trigonal plane whereas the other two point opposite 
to each other, forming an axis that is perpendicular to the trigonal plane [Figure 7.1(d)]. This 
geometry is called a trigonal bipyramid. Finally, with six balloons, the arrangement is an octahe-
dron, which is essentially a square bipyramid [Figure 7.1(e)]. Each of the ABx molecules we con-
sider will have one of these five electron-domain geometries: linear, trigonal planar, tetrahedral, 
trigonal bipyramidal, or octahedral.

electron-Domain Geometry and Molecular Geometry
It is important to distinguish between the electron-domain geometry, which is the arrangement 
of electron domains (bonds and lone pairs) around the central atom, and the molecular geometry, 
which is the arrangement of bonded atoms. Figure 7.2 illustrates the molecular geometries of ABx 
molecules in which all the electron domains are bonds—that is, there are no lone pairs on any of the 
central atoms. In these cases, the molecular geometry is the same as the electron-domain geometry.

In an ABx molecule, a bond angle is the angle between two adjacent A B bonds. In an AB2 
molecule, there are only two bonds and therefore only one bond angle, and, provided that there are 
no lone pairs on the central atom, the bond angle is 180°. AB3 and AB4 molecules have three and 
four bonds, respectively. However, in each case there is only one bond angle possible between any 
two A B bonds. In an AB3 molecule, the bond angle is 120°, and in an AB4 molecule, the bond 
angle is 109.5°—again, provided that there are no lone pairs on the central atoms. Similarly, in an 
AB6 molecule, the bond angles between adjacent bonds are all 90°. (The angle between any two  
A B bonds that point in opposite directions is 180°.)

AB5 molecules contain two different bond angles between adjacent bonds. The reason for 
this is that, unlike those in the other ABx molecules, the positions occupied by bonds in a trigonal 
bipyramid are not all equivalent. The three bonds that are arranged in a trigonal plane are referred 
to as equatorial. The bond angle between any two of the three equatorial bonds is 120°. The two 
bonds that form an axis perpendicular to the trigonal plane are referred to as axial. 

Axial

Equatorial

The bond angle between either of the axial bonds and any one of the equatorial bonds is 90°. 
(As in the case of the AB6 molecule, the angle between any two A B bonds that point in opposite 
directions is 180°.) Figure 7.2 illustrates all these bond angles. The angles shown in the figure are 
the bond angles that are observed when all the electron domains on the central atom are identical. 
As we will see later in this section, the bond angles in many molecules will differ slightly from 
these ideal values.

Multi 7.2
Chemical bonding—VSEPR and 
molecular geometry (interactive)

180°

120°

109.5°

90°

TetrahedralTrigonal planar

OctahedralTrigonal bipyramidal

Linear

Figure 7.2 Five geometries of ABx mol-
ecules in which all the electron domains 
are bonds.
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232 C H A P T e r 7 Molecular Geometry and Bonding Theories 

Dipole moments can be used to distinguish between molecules that have the same chemical 
formula but different arrangements of atoms. Such compounds are called structural isomers. For 
example, there are two structural isomers of dichloroethylene (C2H2Cl2). Because the individual 
bond dipoles sum to zero in trans-dichloroethylene, the trans isomer is nonpolar:

∑x = 0
∑y = 0

overall: ∑ = 0
x

y

The bond dipoles in the cis isomer do not cancel one another, so cis-dichloroethylene is polar:

∑x = 0
∑y ≠ 0

overall: ∑ ≠ 0
x

y

Because of the difference in polarity, these two isomers can be distinguished experimentally by 
measuring the dipole moment.

Student Annotation: Polarity is an impor-
tant property that determines, in part, the 
properties of a molecule or polyatomic ion.

Section 7.2 Review

Molecular Geometry and Polarity

7.2.1 Identify the polar molecules in the following group: HBr, CH4, CS2.

7.2.2 Identify the nonpolar molecules in the following group: SO2, NH3, XeF2.

7.3  INTerMOleCulAr FOrCes
An important consequence of molecular polarity is the existence of attractive forces between neigh-
boring molecules, which we refer to as intermolecular forces. We have already encountered an 
example of “intermolecular” forces in the form of ionic bonding [ Section 5.3], where the mag-
nitude of attraction between oppositely charged particles is governed by Coulomb’s law [ Sec-
tion 4.4]. Because the particles that make up an ionic compound have discrete (full) charges, the 
attractive forces that hold them together are especially powerful. In fact, that’s the reason that 
they’re solids at room temperature. The intermolecular forces that we will encounter in this chap-
ter are also the result of Coulombic attractions, but the attractions involve only partial charges 
[ Section 6.2] rather than discrete charges and are therefore weaker than the forces involved 
in ionic bonding. Nevertheless, the magnitudes of such intermolecular forces can be sufficient to 
hold the molecules of a substance together in a solid (e.g., sugar); while substances with relatively 
weaker intermolecular forces typically are liquids (e.g., water); and substances with no apparent 
inter molecular attractions are gases (e.g., oxygen).

We will begin our discussion of intermolecular forces with the attractive forces that act 
between atoms or molecules in a pure substance. These forces are known collectively as van der 
Waals forces, and they include dipole-dipole interactions, including hydrogen bonding and disper-
sion forces. 

Student Annotation: Gases actually 
do exhibit intermolecular attractions; but 
the attractions are so weak compared to the 
kinetic energies of the individual molecules, 
that they are negligible, and do not hold the 
molecules together. [ Chapter 11]
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And, because we believe it is important to illustrate at every opportunity the importance 
of structure in determining function, intermolecular forces are now presented in Section 7.3, 
immediately following the material on molecular polarity. We view the early inclusion of this 
material in the context of structure as a logical extension of a true atoms-first approach. Further, 
introducing intermolecular forces earlier in the first half of the textbook allows more thorough 
development of this crucially important topic throughout the remaining chapters.
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Chapter 9—In Section 9.5, we now introduce the concept of pH in the context of acid-base 
chemistry and have students learn to perform relatively simple pH calculations for strong acids 
and bases. The benefits of introducing pH early are twofold: It requires students to become 
reacquainted with the logarithmic functions on their calculators in a relatively simple context, with 
straightforward conversions between hydronium ion concentration and pH. Later, in the context of 
equilibrium, proper use of these calculations should be a ready tool—rather than another layer of 
complication amid a chapter with a large volume of new material. A second benefit of introducing 
the pH scale and pH calculations early is that it facilitates the inclusion of more experiments in the 
laboratory portion of the course—a perennial concern for the atoms-first curriculum.

Chapter 12—With the movement of intermolecular forces to an earlier position in the textbook, 
this chapter is now more tightly focused on the nature of liquids and solids. We have rearranged 
the sections for what we believe is a more logical flow, and we have included a new section on the 
vapor pressure of solids. As before, the chapter culminates with phase changes and phase diagrams.

Chapter 14—In the first edition of Chemistry: Atoms First, Chapter 14 was Chemical 
Kinetics. However, in our vision of a true atoms-first approach, and as the result of discussion with 
users of our text, we reasoned that it would be advantageous to introduce thermodynamics as the 
predecessor of chemical equilibrium. Thus, thermodynamics is now presented earlier in the second 
half of the text. We believe that the earlier coverage of entropy and Gibbs free energy will enable 
students to develop a more robust understanding of the origins of chemical equilibrium.

353S e C t i O n 9.5    Concentration of Solutions

the pH Scale
The acidity of an aqueous solution depends on the concentration of hydronium ions [H3O

+]. This 
concentration can range over many orders of magnitude, which can make reporting the numbers 
cumbersome. To describe the acidity of a solution, rather than report the molar concentration of 
hydronium ions, we typically use the more convenient pH scale. The pH of a solution is defined as 
the negative base-10 logarithm of the hydronium ion concentration (in mol/L).

 pH = –log [H3O
+] or pH = –log [H+] Equation 9.5

The pH of a solution is a dimensionless quantity, so the units of concentration must be removed 
from [H3O

+] before taking the logarithm. Because [H3O
+] = [OH–] = 1.0 × 10–7 M in pure water 

at 25°C, the pH of pure water at 25°C is

–log (1.0 × 10–7) = 7.00

At 25°C, therefore, a neutral solution has pH 7.00. An acidic solution has pH < 7.00, whereas a 
basic solution has pH > 7.00. Table 9.7 shows the calculation of pH for solutions ranging from 
0.10 M to 1.0 × 10–14 M.

In the laboratory, pH is measured with a pH meter (Figure 9.13). Table 9.8 lists the pH values 
of a number of common fluids. Note that the pH of body fluids varies greatly, depending on the 

Student Annotation: Equation 9.5 con-
verts numbers that can span an enormous 
range (~10–1 to 10–14) to numbers generally 
ranging from ~1 to 14.

Student Annotation: A word about 
significant figures: When we take the log 
of a number with two significant figures, 
we report the result to two places past 
the decimal point. Thus, pH 7.00 has two 
significant figures, not three.

ta B l e  9 . 7 Benchmark pH Values for a Range of Hydronium  
Ion Concentrations at 25°C

[H3O+] (M ) –log [H3O+] pH

0.10 –log (1.0 × 10–1) 1.00

0.010 –log (1.0 × 10–2) 2.00

1.0 × 10–3 –log (1.0 × 10–3) 3.00

1.0 × 10–4 –log (1.0 × 10–4) 4.00

1.0 × 10–5 –log (1.0 × 10–5) 5.00

1.0 × 10–6 –log (1.0 × 10–6) 6.00 Acidic

1.0 × 10–7 –log (1.0 × 10–7) 7.00 Neutral

1.0 × 10–8 –log (1.0 × 10–8) 8.00 Basic

1.0 × 10–9 –log (1.0 × 10–9) 9.00

1.0 × 10–10 –log (1.0 × 10–10) 10.00

1.0 × 10–11 –log (1.0 × 10–11) 11.00

1.0 × 10–12 –log (1.0 × 10–12) 12.00

1.0 × 10–13 –log (1.0 × 10–13) 13.00

1.0 × 10–14 –log (1.0 × 10–14) 14.00

ta B l e  9 . 8 Typical pH Values of Some Common Fluids

fluid pH fluid pH

Stomach acid 1.0 Saliva 6.4–6.9

Lemon juice 2.0 Milk 6.5

Vinegar 3.0 Pure water 7.0

Grapefruit juice 3.2 Blood 7.35–7.45

Orange juice 3.5 Tears 7.4

Urine 4.8–7.5 Milk of magnesia 10.6

Rainwater (in clean air) 5.5 Household ammonia 11.5

figure 9.13  A pH meter is commonly 
used in the laboratory to determine the 
pH of a solution. Although many pH 
meters have a range of 1 to 14, pH values 
can actually be less than 1 and greater 
than 14.
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589S E C T I o N 14.5    Predicting Spontaneity

Water freezes spontaneously at temperatures below 0°C, and ice melts spontaneously at tempera-
tures above 0°C. At 0°C, a system of ice and water is at equilibrium. The temperature that divides 
“high” from “low” depends, though, on the individual reaction. To determine that temperature, we 
must set ∆G equal to 0 in Equation 14.10 (i.e., the equilibrium condition):

0 = ∆H − T∆S

Rearranging to solve for T yields 

T =   ∆H ___ 
∆S

  

The temperature that divides high from low for a particular reaction can now be calculated if the 
values of ∆H and ∆S are known.

Worked Example 14.5 demonstrates the use of this approach.

Ta b L E  1 4 . 4 Predicting the Sign of ∆G Using Equation 14.10 and the Signs of ∆H and ∆S

when 𝚫𝚫H is and 𝚫𝚫S is 𝚫𝚫G will be and the process is Example

Negative Positive Negative Always spontaneous 2H2O2(aq)  2H2O(l) + O2(g)

Positive Negative Positive Always nonspontaneous 3O2(g)  2O3(g)

Negative Negative Negative when T∆S < ∆H

Positive when T∆S > ∆H

Spontaneous at low T

Nonspontaneous at high T

H2O(l)  H2O(s) 

(freezing of water)

Positive Positive Negative when T∆S > ∆H

Positive when T∆S < ∆H

Spontaneous at high T

Nonspontaneous at low T

2HgO(s)  2Hg(l) + O2(g)

worked Example 14.5

According to Table 14.4, a reaction will be spontaneous only at high temperatures if both ∆H and 
∆S are positive. For a reaction in which ∆H = 199.5 kJ/mol and ∆S = 476 J/K ∙ mol, determine the 
temperature (in °C) above which the reaction is spontaneous.

Strategy The temperature that divides high from low is the temperature at which ∆H = T∆S  
(∆G = 0). Therefore, we use Equation 14.10, substituting 0 for ∆G and solving for T to determine 
temperature in kelvins; we then convert to degrees Celsius.

Setup 
∆S =   (   476 J _______ 

K ∙ mol
   )   (   1 kJ ______ 

1000 J
   )  = 0.476 kJ/K ∙ mol

Solution 
 T =   ∆H ___ 

∆S
   =   199.5 kJ/mol  ______________  

0.476 kJ/K ∙ mol
   = 419 K

 = (419 − 273) = 146°C

Think about It
Spontaneity is favored by a release of energy (∆H being negative) and by an increase in entropy (∆S being 
positive). When both quantities are positive, as in this case, only the entropy change favors spontaneity. 
For an endothermic process such as this, which requires the input of heat, it should make sense that 
adding more heat by increasing the temperature will shift the equilibrium to the right, thus making it 
“more spontaneous.” 

Practice Problem A t t e m p t  A reaction will be spontaneous only at low temperatures if both 
∆H and ∆S are negative. For a reaction in which ∆H = –380.1 kJ/mol and ∆S = –95.00 J/K ∙ mol, 
determine the temperature (in °C) below which the reaction is spontaneous.

Practice Problem b u i l d  Given that the reaction 4Fe(s) + 3O2(g) + 6H2O(l)  
4Fe(OH)3(s) is spontaneous at temperatures below 1950°C, estimate the standard entropy of 
Fe(OH)3(s).

(Continued on next page)
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Chapter 15—This chapter remains focused solely on equilibrium as with the previous edition, 
but now we are able to present equilibrium from the standpoint of its thermodynamic underpinnings. 
In this way, we are able to provide an introduction to equilibrium and the development of the 
equilibrium constant along with the reaction quotient. Then we explore the intimate relationship 
between Gibbs free energy and the reaction quotient, and how Gibbs free energy ultimately is 
related to the equilibrium constant under standard-state conditions.

Chapter 18—With the movement of thermodynamics to an earlier chapter, the coverage of 
electrochemistry (Formerly Chapter 19) is now moved up. Because electrochemistry is also related 
to Gibbs free energy and ultimately the equilibrium constant, this provides logical continuity of the 
atoms-first approach with respect to equilibrium.

Chapter 19—Because we now have a sequential group of chapters relating thermodynamics 
and equilibrium, we have moved the kinetics chapter later in the book. One benefit of this 
reorganization is that students will be better prepared to understand the kinetics of reactions in 
which there is a fast initial step. Another benefit is that with kinetics in Chapter 19, this material 
is followed immediately by the nuclear chapter (Chapter 20), affording students the opportunity 
to put into timely practice their knowledge of first-order kinetics—in the context of nuclear decay 
processes.
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 PREFACE  xi
837s E C T i o n 19.5    Dependence of Reactant Concentration on Time 
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] t
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figure 19.13 A plot of [A] versus  
time for the first-order reaction  
A  products. The half-life of the 
reaction is 1 min. The concentration  
of A is halved every half-life.

Worked Example 19.6

The decomposition of ethane (C2H6) to methyl radicals (CH3) is a first-order reaction with a rate 
constant of 5.36 × 10–4 s–1 at 700°C:

C2H6  2CH3

Calculate the half-life of the reaction in minutes.

strategy Use Equation 19.5 to calculate t1/2 in seconds, and then convert to minutes.

setup seconds ×   1 minute __________ 
60 seconds

   = minutes

solution

t1/2 =   0.693 _____ 
k
   =   0.693 ____________  

5.36 × 10–4 s–1
   = 1293 s

1293 s ×   1 min _____ 
60 s

   = 21.5 min

The half-life of ethane decomposition at 700°C is 21.5 min.

Think about it
Half-lives and rate constants can be expressed using any units of time and reciprocal time, respectively. 
Track units carefully when you convert from one unit of time to another.

Practice Problem A t t e m p t  Calculate the half-life of the decomposition of azomethane, 
discussed in Worked Example 19.5.

(Continued on next page)
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Chapters 23–25—In response to feedback from professors, we have reduced the size of the 
printed book by removing the chapter on chemistry of the nonmetals (formerly Chapter 23). Thus, 
Chapters 23 and 24 are now Organic Chemistry and Modern Materials, respectively. We realize, of 
course, that coverage of nonmetals is important material—and that some professors will still wish 
to present it and/or provide it to their students. Therefore, what was formerly Chapter 23 has been 
renumbered Chapter 25, Nonmetallic Elements and Their Compounds, and is available as a free 
digital download via the text’s online learning center and/or the Instructor Resources in Connect. 
Chapter 25 is also available for text customization in McGraw-Hill Create.
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