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I
N CHAPTER 1, WE SAW that matter exists primarily in three states (or phases): solid,

liquid, and gas. In Chapter 5, we examined the gas state. In this chapter we turn to the solid

and liquid states, known collectively as the condensed states. The solid and liquid states are

more similar to each other than they are to the gas state. In the gas state, constituent particles—

atoms or molecules—are separated by large distances and do not interact with each other very

much. In the condensed states, constituent particles are close together and exert moderate to

strong attractive forces on one another. Unlike the gas state, for which we have a good, simple

quantitative model (kinetic molecular theory) to describe and predict behavior, we have no such

model for the condensed states. In fact, modeling the condensed states is an active area of

research. In this chapter, we focus primarily on describing the condensed states and their

properties and on providing some qualitative guidelines to help us understand those properties.

It’s a wild dance floor there at the molecular level.
—Roald Hoffmann (1937–)
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� Each of the millions of microhairs
on a gecko’s feet branches out to end
in flattened tips called spatulae.

11.1 Climbing Geckos and Intermolecular Forces
The gecko shown here can run up a polished glass window in seconds or even walk
across a ceiling. It can support its entire weight by a single toe in contact with a surface.
How? Recent work by several scientists points to intermolecular forces—attractive
forces that exist between all molecules and atoms—as the reason that the gecko can per-
form its gravity-defying feats. Intermolecular forces are the forces that hold many liquids
and solids—such as water and ice, for example—together.

The key to the gecko’s sticky feet lies in the millions of microhairs, called setae, that
line its toes. Each seta is between 30 and 130 long and branches out to end in sever-
al hundred flattened tips called spatulae, as you can see in the photo. This unique struc-
ture allows the gecko’s toes to have unusually close contact with the surfaces it climbs.
The close contact allows intermolecular forces—which are significant only at short
distances—to hold the gecko to the wall.

All living organisms depend on intermolecular forces, not for adhesion to walls, but
for many physiological processes. For example, in Chapter 21 we examine how intermo-
lecular forces help determine the shapes of protein molecules (the workhorse molecules
in living organisms). Later in this chapter, we will discuss how intermolecular forces are
central to the structure of DNA, the inheritable molecule that carries the blueprints for
life. (See the Chemistry and Medicine box in Section 11.3.)

mm

Recent studies suggest that the gecko’s remarkable ability to climb
walls and adhere to surfaces depends on intermolecular forces.
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More generally, intermolecular forces are responsible for the very existence of con-
densed states. The state of a sample of matter—solid, liquid, or gas—depends on magni-
tude of intermolecular forces between the constituent particles relative to amount of
thermal energy in the sample. Recall from Chapter 6 that the molecules and atoms com-
posing matter are in constant random motion that increases with increasing temperature.
The energy associated with this motion is called thermal energy. When thermal energy is
high relative to intermolecular forces, matter tends to be gaseous. When thermal energy
is low relative to intermolecular forces, matter tends to be liquid or solid.

11.2 Solids, Liquids, and Gases: 
A Molecular Comparison
We are all familiar with solids and liquids. Water, gasoline, rubbing alcohol, and nail pol-
ish remover are common liquids that you have probably encountered. Ice, dry ice, and di-
amond are familiar solids. To begin to understand the differences between the three
common states of matter, examine Table 11.1, which shows the density and molar vol-
ume of water in its three different states, along with molecular representations of each
state. Notice that the densities of the solid and liquid states are much greater than the den-
sity of the gas state. Notice also that the solid and liquid states are more similar in densi-
ty and molar volume to one another than they are to the gas state. The molecular
representations show the reason for these differences. The molecules in liquid water and
ice are in close contact with one another—essentially touching—while those in gaseous
water are separated by large distances. The molecular representation of gaseous water in
Table 11.1 is actually out of proportion—the water molecules in the figure should be
much farther apart for their size. (Only a fraction of a molecule could be included in the
figure if it were drawn to scale.) From the molar volumes, we know that 18.0 mL of liq-
uid water (slightly more than a tablespoon) would occupy 30.5 L when converted to
gas at 100 °C. The low density of gaseous water is a direct result of this large separation
between molecules.

Notice also that, for water, the solid is slightly less dense than the liquid. This is
atypical behavior. Most solids are slightly denser than their corresponding liquids be-
cause the molecules move closer together upon freezing. As we will see in Section 11.9,
ice is less dense than liquid water because the unique crystal structure of ice results in
water molecules moving slightly further apart upon freezing.

Molecular
View

Density
(g/cm3, at 1 atm)

0.998

5.90 � 10�4

0.917

Molar
Volume

18.0 mL

30.5 L

19.6 mL

Phase

Liquid (water)

Gas (steam)

Solid (ice)

Temperature (°C)

20

100

0

TABLE 11.1 The Three States of Water



� FIGURE 11.3 Crystalline and Amorphous Solids
In a crystalline solid, the arrangement of the particles
displays long-range order. In an amorphous solid, the
arrangement of the particles has no long-range order.

� FIGURE 11.1 Liquids Assume the
Shapes of Their Containers When
you pour water into a flask, it assumes
the shape of the flask because water
molecules are free to flow.
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TABLE 11.2 Properties of the States of Matter

Strength of Intermolecular 
Forces (Relative to 

State Density Shape Volume Thermal Energy)

Gas Low Indefinite Indefinite Weak

Liquid High Indefinite Definite Moderate

Solid High Definite Definite Strong

According to some definitions, an
amorphous solid is considered a unique
state, different from the normal solid
state because it lacks any long-range
order.

A major difference between liquids and solids is the freedom of movement of the
constituent molecules or atoms. Even though the atoms or molecules in a liquid are in
close contact, thermal energy partially overcomes the attractions between them, allowing
them to move around one another. This is not the case in solids; the atoms or molecules
in a solid are virtually locked in their positions, only vibrating back and forth about a
fixed point. The properties of liquids and solids, as well as the properties of gases for
comparison, are summarized in Table 11.2.

Liquids assume the shape of their containers because the atoms or molecules that
compose liquids are free to flow (or move around one another). When you pour water
into a beaker, the water flows and assumes the shape of the beaker (Figure 11.1 �). Liq-
uids are not easily compressed because the molecules or atoms that compose them are
already in close contact—they cannot be pushed much closer together. The molecules in
a gas, by contrast, have a great deal of space between them and are easily forced into a
smaller volume by an increase in external pressure (Figure 11.2 �).

Molecules closely spaced
— not easily compressible

Molecules widely spaced 
— highly compressible

Liquid Gas

� FIGURE 11.2 Gases Are Compressible Molecules in a liquid are closely spaced and are not easi-
ly compressed. Molecules in a gas have a great deal of space between them, making gases
compressible.

Solids have a definite shape because, in contrast to liquids and gases, the molecules
or atoms that compose solids are fixed in place—each molecule or atom merely vibrates
about a fixed point. Like liquids, solids have a definite volume and generally cannot be
compressed because the molecules or atoms composing them are
already in close contact. Solids may be crystalline, in which case
the atoms or molecules that compose them are arranged in a well-
ordered three-dimensional array, or they may be amorphous, in
which case the atoms or molecules that compose them have no
long-range order (Figure 11.3 �).

Regular ordered structure No long-range order

Crystalline solid Amorphous solid



� The propane in an LP gas tank is 
in the liquid state. When you open the
tank, some propane vaporizes and
escapes as a gas.

C3H8 (l)

C3H8 (g)
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Heat

Cool

Heat or
reduce pressure

Cool or
increase pressure

Solid Liquid Gas

Changes between States
We can transform one state of matter to another by changing the temperature, pressure, or
both. For example, we can convert solid ice to liquid water by heating, and liquid water to
solid ice by cooling. The following diagram shows the three states of matter and the
changes in conditions that commonly induce transitions between them.

Conceptual Connection 11.1 State Changes
The molecular diagram below shows a sample of liquid water.

ANSWER: (a) When water boils, it simply changes state from liquid to gas. Water molecules do
not decompose during boiling.

We can induce a transition between the liquid and gas state, not only by heating and
cooling, but also through changing the pressure. In general, increases in pressure favor
the denser state, so increasing the pressure of a gas sample results in a transition to the
liquid state. The most familiar example of this phenomenon occurs in the LP (liquified
petroleum) gas used as a fuel for outdoor grills and lanterns. LP gas is composed prima-
rily of propane, a gas at room temperature and atmospheric pressure. However, it lique-
fies at pressures exceeding about 2.7 atm. The propane you buy in a tank is under
pressure and therefore in the liquid form. When you open the tank, some of the propane
escapes as a gas, lowering the pressure in the tank for a brief moment. Immediately,
however, some of the liquid propane evaporates, replacing the gas that escaped. Storing
gases like propane as liquids is efficient because, in their liquid form, they occupy much
less space.

Which diagram best depicts the vapor emitted from a pot of boiling water?
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11.3 Intermolecular Forces: The Forces 
That Hold Condensed States Together
The strength of the intermolecular forces between the molecules or atoms that compose a
substance determines its state—solid, liquid, or gas—at a given temperature. At room
temperature, moderate to strong intermolecular forces tend to result in liquids and solids
(high melting and boiling points) and weak intermolecular forces tend to result in gases
(low melting and boiling points).

Intermolecular forces originate from the interactions between charges, partial
charges, and temporary charges on molecules (or atoms and ions), much as bonding
forces originate from interactions between charged particles in atoms. Recall from Sec-
tion 8.3 that according to Coulomb’s law, the potential energy (E) of two oppositely
charged particles (with charges and ) decreases (becomes more negative) with in-
creasing magnitude of charge and with decreasing separation (r):

(When and 

Therefore, as we have seen, protons and electrons are attracted to each other because
their potential energy decreases as they get closer together. Similarly, molecules with par-
tial or temporary charges are attracted to each other because their potential energy de-
creases as they get closer together. However, intermolecular forces, even the strongest
ones, are generally much weaker than bonding forces.

The reason for the relative weakness of intermolecular forces compared to bonding
forces is also related to Coulomb’s law. Bonding forces are the result of large charges (the
charges on protons and electrons) interacting at very close distances. Intermolecular
forces are the result of smaller charges (as we shall see in the following discussion) inter-
acting at greater distances. For example, consider the interaction between two water mol-
ecules in liquid water:

q2 are opposite in sign, E is negative.)q1E =
1

4pe0
 
q1 q2

r

q2q1

96 pm

300 pm

Intermolecular
Force

The length of an bond in liquid water is 96 pm; however, the average distance
between water molecules in liquid water is about 300 pm. The larger distances between
molecules, as well as the smaller charges involved (partial charges on the hydrogen and
oxygen atoms), result in weaker forces. To break the bonds in water, you have to
heat the water to thousands of degrees Celsius. However, to completely overcome the
intermolecular forces between water molecules, you have to heat water only to its boiling
point, 100 °C (at sea level).

Here we examine several different types of intermolecular forces, including disper-
sion forces, dipole–dipole forces, hydrogen bonding, and ion–dipole forces. The first
three of these can potentially occur in all substances; the last one occurs only in mixtures.

Dispersion Force
The one intermolecular force present in all molecules and atoms is the dispersion force
(also called the London force). Dispersion forces are the result of fluctuations in the elec-
tron distribution within molecules or atoms. Since all atoms and molecules have elec-
trons, they all exhibit dispersion forces. The electrons in an atom or molecule may, at any

O ¬ H

O ¬ H

The nature of dispersion forces was
first recognized by Fritz W. London
(1900–1954), a German-American
physicist.



n-Pentane
molar mass = 72.15 g/mol
boiling point = 36.1 °C

Neopentane
molar mass = 72.15 g/mol
boiling point = 9.5 °C

The magnitude of the dispersion force depends on how easily the electrons in the
atom or molecule can move or polarize in response to an instantaneous dipole, which in

turn depends on the size (or volume) of the electron cloud. A larger
electron cloud results in a greater dispersion force because the elec-
trons are held less tightly by the nucleus and therefore polarize more
easily. If all other variables are constant, the dispersion force increas-
es with increasing molar mass because molecules or atoms of higher
molar mass generally have more electrons dispersed over a greater
volume. For example, consider the boiling points of the noble gases
displayed in Table 11.3. As the molar masses and electron cloud vol-
umes of the noble gases increase, the greater dispersion forces result
in increasing boiling points.

Molar mass alone, however, does not determine the magnitude of
the dispersion force. Compare the molar masses and boiling points of 
n-pentane and neopentane:
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d�d� d�d�d� d�

Dispersion Force

An instantaneous dipole on any one helium atom induces instantaneous
 dipoles on neighboring atoms, which then attract one another.

� FIGURE 11.4 Dispersion 
Interactions The temporary dipole in
one helium atom induces a temporary
dipole in its neighbor. The resulting 
attraction between the positive and
negative charges creates the dispersion
force.

In any one frame, the electrons are not symmetrically arranged around the nucleus. In
frame 3, for example, helium’s two electrons are on the left side of the helium atom. At
that instant, the left side will have a slightly negative charge The right side of the
atom, which temporarily has no electrons, will have a slightly positive charge be-
cause of the charge of the nucleus. This fleeting charge separation is called an
instantaneous dipole or a temporary dipole. As shown in Figure 11.4 �, an instantaneous
dipole on one helium atom induces an instantaneous dipole on its neighboring atoms be-
cause the positive end of the instantaneous dipole attracts electrons in the neighboring
atoms. The neighboring atoms then attract one another—the positive end of one instanta-
neous dipole attracting the negative end of another. This attraction is the dispersion force.

(d+)
(d-).

one instant, be unevenly distributed. Imagine a frame-by-frame movie of a helium atom
in which each “frame” captures the position of the helium atom’s two electrons.

Noble Gas
Molar Mass

(g/mol)

4.00

20.18

39.95

83.80

131.30

Boiling Point (K)

4.2

27

87

120

165

He

Ne

Ar

Kr

Xe

To polarize means to form a dipole
moment (see Section 9.6).

Frame 3Frame 2Frame 1

d�d�

TABLE 11.3 Boiling Points of the Noble Gases
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These molecules have identical molar masses, but n-pentane has a higher boiling point
than neopentane. Why? Because the two molecules have different shapes. The n-pen-
tane molecules are long and can interact with one another along their entire length, as
shown in Figure 11.5a �. In contrast, the bulky, round shape of neopentane molecules
results in a smaller area of interaction between neighboring molecules, as shown in
Figure 11.5b. The result is a lower boiling point for neopentane.

Although molecular shape and other factors must always be considered in deter-
mining the magnitude of dispersion forces, molar mass can act as a guide when compar-
ing dispersion forces within a family of similar elements or compounds as shown in
Figure 11.6 �.

Large area for
interaction

Small area for
interaction

(a) n-Pentane (b) Neopentane

CH3

CH2

CH2

CH2

CH3 C

CH3

CH3 CH3

CH3

� FIGURE 11.5 Dispersion Force and
Molecular Shape (a) The straight
shape of n-pentane molecules allows
them to interact with one another
along the entire length of the mole-
cules. (b) The nearly spherical shape
of neopentane molecules allows for
only a small area of interaction. Thus,
dispersion forces are weaker in
neopentane than in n-pentane, 
resulting in a lower boiling point.

See Section 9.6 to review how to
determine whether a molecule is polar.

n-Pentane (C5H12)

n-Hexane (C6H14)

n-Heptane (C7H16)

n-Octane (C8H18)

n-Nonane (C9H20)

Molar mass (g/mol)
45 65 85 105 125 145

20

0

40

60

80

100

120

140

160
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� FIGURE 11.6 Boiling Points of the 
n-Alkanes The boiling points of the
n-alkanes rise with increasing molar
mass and the consequent stronger dis-
persion forces.

d� d�d�d�

Dipole–Dipole Interaction

The positive end of a
polar molecule is attracted to the

negative end of its neighbor.

� FIGURE 11.7 Dipole–Dipole Interaction
Molecules with permanent dipoles, such as
acetone, are attracted to one another via
dipole–dipole interactions.

Dipole–Dipole Force
The dipole–dipole force exists in all molecules that are polar. Polar molecules have
permanent dipoles that interact with the permanent dipoles of neighboring molecules,
as you can see in Figure 11.7 �. The positive end of one permanent dipole attracts the
negative end of another; this attraction is the dipole–dipole force. Polar molecules, there-
fore, have higher melting and boiling points than nonpolar molecules of similar molar
mass. Remember that all molecules (including polar ones) have dispersion forces. Polar
molecules have, in addition, dipole–dipole forces. This additional attractive force raises
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Name

Formaldehyde

Ethane

Formula

CH2O

C2H6

30.03

30.07

Molar Mass (amu) Structure mp (°C)

�92

�172

bp (°C)

�19.5

�88

CH H

O

C CH H

H

H H

H

B
oi

lin
g 

po
in

t 
(K

)

Dimethyl ether
CH3OCH3
46.07 g/mol

Ethylene oxide
(CH2)2O

44.05 g/mol

Acetaldehyde
CH3CHO

44.05 g/mol

Acetonitrile
CH3CN

41.05 g/mol

0.08 1.30 1.89 2.69 3.92

500

450

400

350

300

250

200

150

100

50

0

Dipole moment (D)

Propane
CH3CH2CH3
44.09 g/mol

� FIGURE 11.8 Dipole Moment and Boiling Point The molecules shown here all have similar
molar masses but different dipole moments. The boiling points increase with increasing dipole
moment.

their melting and boiling points relative to nonpolar molecules of similar molar mass. For
example, consider formaldehyde and ethane:

Formaldehyde is polar, and has a higher melting point and boiling point than nonpolar
ethane, even though the two compounds have the same molar mass. Figure 11.8 � shows
the boiling points of a series of molecules with similar molar mass but progressively
greater dipole moments. Notice that the boiling points increase with increasing dipole
moment.

The polarity of molecules composing liquids is also important in determining the
miscibility—the ability to mix without separating into two states—of liquids. In general,
polar liquids are miscible with other polar liquids but are not miscible with nonpolar liq-
uids. For example, water, a polar liquid, is not miscible with pentane a nonpolar
liquid (Figure 11.9 �). Similarly, water and oil (also nonpolar) do not mix. Consequently,
oily hands or oily stains on clothes cannot be washed with plain water (see Chemistry in
Your Day: How Soap Works in Section 10.5).

(C5H12)



C5H12(l)

H2O(l)
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(a)
(1) Since the electronegativity of carbon is 2.5 and that of oxygen is 3.5 
(Figure 9.8), has polar bonds.

(2) The geometry of is linear. Consequently, the dipoles of the polar
bonds cancel, so the molecule is not polar and does not have dipole–
dipole forces.

CO2

CO2

CO2

(b)
(1) The electronegativity of C is 2.5, that of H is 2.1, and that of Cl is 3.0.
Consequently, has two polar bonds and two bonds that
are nearly nonpolar 
(2) The geometry of is tetrahedral. Since the bonds and
the bonds are different, their dipoles do not cancel but sum to a net
dipole moment. The molecule is polar and has dipole–dipole forces.

C ¬ H
C ¬ ClCH2Cl2

(C ¬ H).
(C ¬ Cl)CH2Cl2

CH2Cl2

(c)
(1) Since the electronegativity of C is 2.5 and that of hydrogen is 2.1 the

bonds are nearly nonpolar.
(2) In addition, since the geometry of the molecule is tetrahedral, any
slight polarities that the bonds might have will cancel. is therefore
nonpolar and does not have dipole–dipole forces.

CH4

C ¬ H

CH4

Dipole forces present

CH2Cl2

No dipole forces present

(a) O C O

FOR PRACTICE 11.1
Which molecules have dipole–dipole forces?

(a) (b) (c) HClCH3ClCI4

CH4

No dipole forces present

EXAMPLE 11.1 Dipole–Dipole Forces
Which of these molecules have dipole–dipole forces?

(a) (b) (c)

SOLUTION
A molecule has dipole–dipole forces if it is polar. To determine whether a molecule is
polar, (1) determine whether the molecule contains polar bonds and (2) determine
whether the polar bonds add together to form a net dipole moment (Section 9.6).

CH4CH2Cl2CO2

� FIGURE 11.9 Polar and Nonpolar
Compounds Water and pentane do
not mix because water molecules are
polar and pentane molecules are 
nonpolar.
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� FIGURE 11.10 Hydrogen Bonding 
in HF The hydrogen of one HF 
molecule, with its partial positive
charge, is attracted to the fluorine 
of its neighbor, with its partial negative
charge. This dipole–dipole interaction
is an example of a hydrogen bond.

Structure

CH3CH2OH

CH3OCH3

Formula

C2H6O

C2H6O

Molar Mass (amu)

46.07

46.07

bp (°C)

78.3

�22.0

mp (°C)

�114.1

�138.5

Name

Ethanol

Dimethyl
Ether

Hydrogen Bonding
Polar molecules containing hydrogen atoms bonded directly to small electronegative
atoms—most importantly fluorine, oxygen, or nitrogen—exhibit an intermolecular force

called hydrogen bonding. HF, , and for example, all un-
dergo hydrogen bonding. The hydrogen bond is a sort of super
dipole–dipole force. The large electronegativity difference between
hydrogen and any of these electronegative elements causes the hy-
drogen atom to have a fairly large partial positive charge 
within the bond, while the F, O, or N atom has a fairly large partial
negative charge In addition, since these atoms are all quite
small, the H atom on one molecule can approach the F, O, or N
atom on an adjacent molecule very closely. The result is a strong
attraction between the H atom on one molecule and the F, O, or N
on its neighbor, an attraction called a hydrogen bond. For exam-

ple, in HF, the hydrogen atom in one molecule is strongly attracted to the fluorine atom
on a neighboring molecule (Figure 11.10 �).

Hydrogen bonds should not be confused with chemical bonds. Chemical bonds occur
between individual atoms within a molecule, whereas hydrogen bonds—like dispersion
forces and dipole–dipole forces—are intermolecular forces that occur between
molecules. A typical hydrogen bond is only 2–5% as strong as a typical covalent chemi-
cal bond. Hydrogen bonds are, however, the strongest of the three intermolecular forces
we have discussed so far. Substances composed of molecules that form hydrogen bonds
have higher melting and boiling points than substances composed of molecules that do
not form hydrogen bonds. For example, consider ethanol and dimethyl ether:

(d-).

(d+)

H2O,NH3
Hydrogen Bonding

When H bonds directly to F, O, or N, the bonding atoms 
acquire relatively large partial charges, giving rise to strong 
dipole–dipole attractions between neighboring molecules.

d� d� d� d� d� d�

Since ethanol contains hydrogen bonded directly to oxygen, ethanol molecules form hy-
drogen bonds with each other as shown in Figure 11.11 �. The hydrogen that is directly
bonded to oxygen in an individual ethanol molecule is also strongly attracted to the oxy-
gen on neighboring molecules. This strong attraction makes the boiling point of ethanol
78.3 °C. Consequently, ethanol is a liquid at room temperature. In contrast, dimethyl
ether has an identical molar mass to ethanol but does not exhibit hydrogen bonding
because in the dimethyl ether molecule, the oxygen atom is not bonded directly to hydro-
gen; this results in lower boiling and melting points and dimethyl ether is a gas at room
temperature.

Water is another good example of a molecule with hydrogen bonding (Figure 11.12 �).
Figure 11.13 � shows the boiling points of the simple hydrogen compounds of the group
4A and group 6A elements. In general, boiling points increase with increasing molar
mass, as expected based on increasing dispersion forces. However, because of hydrogen
bonding, the boiling point of water (100 °C) is much higher than expected based on its
molar mass Without hydrogen bonding, all the water on our planet would
be gaseous.

(18.0 g >  mol).

H

H
H

H

HH

H
H

H

H H
H

C

C

C

O

O

C

d�

d�

d�

d�

Hydrogen Bond

� FIGURE 11.11 Hydrogen Bonding in
Ethanol

O

HH

O

HH

O

HH

d�

d�

d�

d� d�

d�

Hydrogen
Bonds

� FIGURE 11.12 Hydrogen Bonding 
in Water
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H2O

CH4

SiH4

GeH4

SnH4
H2S

H2Se

H2Te
Group 4A

Group 6A

� FIGURE 11.13 Boiling Points of Group 4A and 6A Compounds
Because of hydrogen bonding, the boiling point of water is anomalous
compared to the boiling points of other hydrogen-containing compounds.

EXAMPLE 11.2 Hydrogen Bonding
One of these compounds is a liquid at room temperature. Which one and why?

SOLUTION
The three compounds have similar molar masses:

Formaldehyde
Fluoromethane
Hydrogen peroxide

So the strengths of their dispersion forces are similar. All three compounds are also
polar, so they have dipole–dipole forces. Hydrogen peroxide, however, is the only one
of these compounds that also contains H bonded directly to F, O, or N. Therefore it also
has hydrogen bonding and is likely to have the highest boiling point of the three. Since
the example stated that only one of the compounds was a liquid, we can safely assume
that hydrogen peroxide is the liquid. Note that, although fluoromethane contains both H
and F, H is not directly bonded to F, so fluoromethane does not have hydrogen bonding
as an intermolecular force. Similarly, formaldehyde contains both H and O, but H is not
directly bonded to O, so formaldehyde does not have hydrogen bonding either.

FOR PRACTICE 11.2
Which has the higher boiling point, HF or HCl? Why?

34.02 g >  mol
34.03 g >  mol
30.03 g >  mol

H C

H

H

F

Fluoromethane

OH O H

Hydrogen peroxide

CH H

O

Formaldehyde
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Ion–Dipole Force
The ion–dipole force occurs when an ionic compound is mixed with a polar compound;
it is especially important in aqueous solutions of ionic compounds. For example, when

sodium chloride is mixed with water, the sodium and chloride ions
interact with water molecules via ion–dipole forces, as shown in
Figure 11.14 �. The positive sodium ions interact with the negative
poles of water molecules, while the negative chloride ions interact
with the positive poles. Ion–dipole forces are the strongest of the
types of intermolecular forces discussed here and are responsible for
the ability of ionic substances to form solutions with water. We dis-
cuss aqueous solutions more thoroughly in Chapter 12.

Summarizing Intermolecular Forces 
(as shown in Table 11.4):

� Dispersion forces are present in all molecules and atoms and in-
crease with increasing molar mass. These forces are always weak
in small molecules but can be significant in molecules with high
molar masses.

� Dipole–dipole forces are present in polar molecules.

� Hydrogen bonds, the strongest of the intermolecular forces that can occur in pure
substances (second only to ion–dipole forces in general), are present in molecules
containing hydrogen bonded directly to fluorine, oxygen, or nitrogen.

� Ion–dipole forces are present in mixtures of ionic compounds and polar compounds.
These are very strong and are especially important in aqueous solutions of ionic
compounds.

The positively charged end of a polar molecule such as 
H2O is attracted to negative ions and the negatively 

charged end of the molecule is attracted to positive ions.
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� FIGURE 11.14 Ion–Dipole Forces
Ion–dipole forces exist between 
and the negative ends of 
molecules and between and the
positive ends of molecules.H2O
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StrengthType

Dipole–dipole

Hydrogen bonding

Ion–dipole

Present in

Polar molecules

Molecules containing
H bonded to F, O, or N

Mixtures of ionic compounds
and polar compounds

Molecular perspective

TABLE 11.4 Types of Intermolecular Forces
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DNA is a long, chainlike molecule that acts as a blueprint
for each living organism. Copies of DNA are passed
from parent to offspring, which is how we inherit traits

from our parents. A DNA molecule is composed of thou-
sands of repeating units called nucleotides (Figure 11.15 �).
Each nucleotide contains one of four different organic
bases: adenine, thymine, cytosine, and guanine (abbreviated
A, T, C, and G). The order of these bases along DNA en-
codes the information that determines the nature of the pro-
teins that are made in the body (proteins are the molecules
that do most of the work in living organisms). Our proteins
in turn determine many of our characteristics, including how
we look, what diseases we are at risk of developing, and
even our behavior.

CHEMISTRY AND MEDICINE Hydrogen Bonding in DNA

Phosphate Phosphate

Sugar

Base BaseBase

Phosphate

Nucleotide

Base

Sugar Sugar

� FIGURE 11.15 Nucleotides The individual units in a DNA
polymer are called nucleotides. Each nucleotide contains one of
four bases: adenine, thymine, cytosine, and guanine (abbreviated
A, T, C, and G).
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� FIGURE 11.16
Complementary
Base Pairing via
Hydrogen Bonds
The individual
bases in DNA inter-
act with one anoth-
er via specific
hydrogen bonds
that form between
A and T and be-
tween C and G.

Old strand Sugar-phosphate
backbone

Old strand

New strands
� FIGURE 11.17 Copying DNA
The two strands of the DNA mol-
ecule can “unzip” by breaking the
hydrogen bonds that join the base
pairs. New bases complementary
to the bases of each strand are
assembled and joined together.
The result is two molecules, each
identical to the original one.

The replicating mechanism of DNA is related to its struc-
ture, which was discovered in 1953 by James Watson and
Francis Crick. DNA consists of two complementary strands,
wrapped around each other in the now famous double helix
and linked by hydrogen bonds between the bases on each
strand. Each base (A, T, C, and G) has a complementary

partner with which it forms hydrogen bonds (Figure 11.16 �):
adenine (A) with thymine (T) and cytosine (C) with guanine
(G). The hydrogen bonding is so specific that each base will
pair only with its complementary partner. When a cell is
going to divide, enzymes unzip the DNA molecule across the
hydrogen bonds that join its two strands (Figure 11.17 �).
Then new bases, complementary to the bases in each strand,
are added along each of the original strands, forming hydro-
gen bonds with their complements. The result is two identical
copies of the original DNA.

Question
Why would dispersion forces not work as a way to hold the two
strands of DNA together? Why would covalent bonds not work?
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11.4 Intermolecular Forces in Action: Surface 
Tension, Viscosity, and Capillary Action
The most important manifestation of intermolecular forces is the very existence of liquids
and solids. In liquids, we also observe several other manifestations of intermolecular
forces including surface tension, viscosity, and capillary action.

Surface Tension
A fly fisherman delicately casts a small fishing fly (a metal hook with a few feathers and
strings attached to make it look like an insect) onto the surface of a moving stream. The
fly floats on the surface of the water—even though the metal composing the hook is
denser than water—and attracts trout. Why? The hook floats because of surface tension,
the tendency of liquids to minimize their surface area.� A trout fly can float on water

because of surface tension.

We can understand surface tension by examining Figure 11.18 �, which depicts the
intermolecular forces experienced by a molecule at the surface of the liquid compared to
those experienced by a molecule in the interior. Notice that a molecule at the surface has
relatively fewer neighbors with which to interact, and is therefore inherently less stable—
it has higher potential energy—than those in the interior. (Remember that the attractive
interactions with other molecules lower potential energy.) In order to increase the surface
area of the liquid, molecules from the interior have to be moved to the surface, and, since
molecules at the surface have a higher potential energy than those in the interior, this
movement requires energy. Therefore, liquids tend to minimize their surface area. The
surface tension of a liquid is the energy required to increase the surface area by a unit
amount. For example, at room temperature, water has a surface tension of —
it takes 72.8 mJ to increase the surface area of water by one square meter.

Why does surface tension allow the fly fisherman’s hook to float on water? The ten-
dency for liquids to minimize their surface creates a kind of skin at the surface that resists
penetration. For the fisherman’s hook to sink into the water, the water’s surface area must
increase slightly—an increase that is resisted by the surface tension. You can observe sur-
face tension by carefully placing a paper clip on the surface of water (Figure 11.19 �).
The paper clip, even though it is denser than water, will float on the surface of the water.
A slight tap on the clip will provide the energy necessary to overcome the surface tension
and cause the clip to sink.

Surface tension decreases as intermolecular forces decrease. You can’t float a paper
clip on benzene, for example, because the dispersion forces among the molecules com-
posing benzene are significantly weaker than the hydrogen bonds among water mole-
cules. The surface tension of benzene is only —just 40% that of water.

Surface tension is also the reason that small water droplets (those not large enough to
be distorted by gravity) form nearly perfect spheres. On the Space Shuttle, the complete
absence of gravity allows even large samples of water to form nearly perfect spheres

28 mJ >  m2

72.8 mJ >  m2

Interior
molecule
interacts
with six
neighbors

Surface molecule
interacts with only
four neighbors.

� FIGURE 11.18 The Origin of Surface
Tension Molecules at the liquid 
surface have a higher potential energy
than those in the interior. As a result,
liquids tend to minimize their surface
area, and the surface behaves like a
membrane or “skin.”

Recall from Section 11.3 that the
interactions between molecules lower
their potential energy in much the same
way that the interaction between
protons and electrons lowers their
potential energy, in accordance with
Coulomb’s law.

� FIGURE 11.19 Surface Tension in 
Action A paper clip floats on water
due to surface tension.
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� FIGURE 11.20 Spherical Water
Droplets On the Space Shuttle in
orbit, under weightless conditions,
water coalesces into nearly perfect
spheres held together by intermolecular
forces between water molecules.

TABLE 11.5 Viscosity of Several Hydrocarbons at 20 °C

Hydrocarbon Molar Mass (g/mol) Formula Viscosity (cP)

n-Pentane 72.15 0.240

n-Hexane 86.17 0.326

n-Heptane 100.2 0.409

n-Octane 114.2 0.542

n-Nonane 128.3 0.711CH3CH2CH2CH2CH2CH2CH2CH2CH3

CH3CH2CH2CH2CH2CH2CH2CH3

CH3CH2CH2CH2CH2CH2CH3

CH3CH2CH2CH2CH2CH3

CH3CH2CH2CH2CH3

TABLE 11.6 Viscosity of Liquid
Water at Several Temperatures

Temperature (°C) Viscosity (cP)

20 1.002

40 0.653

60 0.467

80 0.355

100 0.282

(Figure 11.20 �). Why? Just as gravity pulls the matter of a planet or star inward to form
a sphere, so intermolecular forces among collections of water molecules pull the water
into a sphere. A sphere is the geometrical shape with the smallest surface area to volume
ratio; therefore, the formation of a sphere minimizes the number of molecules at the sur-
face, thus minimizing the potential energy of the system.

Viscosity
Another manifestation of intermolecular forces is viscosity, the resistance of a liquid to
flow. Motor oil, for example, is more viscous than gasoline, and maple syrup is more vis-
cous than water. Viscosity is measured in a unit called the poise (P), defined as

The viscosity of water at room temperature is approximately one centipoise (cP).
Viscosity is greater in substances with stronger intermolecular forces because if mole-
cules are more strongly attracted to each other, they do not flow around each other as
freely. Viscosity also depends on molecular shape, increasing in longer molecules that
can interact over a greater area and possibly become entangled. Table 11.5 lists the vis-
cosity of several hydrocarbons. Notice the increase in viscosity with increasing molar
mass (and therefore increasing magnitude of dispersion forces) and with increasing
length (and therefore increasing potential for molecular entanglement).

Viscosity also depends on temperature because thermal energy partially overcomes
the intermolecular forces, allowing molecules to flow past each other more easily. Table
11.6 lists the viscosity of water as a function of temperature. Nearly all liquids become
less viscous as temperature increases.

1 g >  cm # s.

CHEMISTRY IN YOUR DAY Viscosity and Motor Oil

Viscosity is an important property of the motor oil you put into your car. The oil must be
thick enough to adequately coat engine surfaces to lubricate them, but also thin enough to 
be pumped easily into all the required engine compartments. Motor oil viscosity is usually
reported on a scale called the SAE scale (named after the Society of Automotive Engineers).
The higher the SAE rating, the more viscous the oil. The thinnest motor oils have SAE rat-
ings of 5 or 10, while the thickest have SAE ratings of up to 50. Before the 1950s, most
automobile owners changed the oil in their engine to accommodate seasonal changes in
weather—a higher SAE rating was required in the summer months and a lower rating in the
winter. Today, the advent of multigrade oils allows car owners in many climates to keep the
same oil all year long. Multigrade oils, such as the 10W-40 oil shown here, contain polymers
(long molecules made up of repeating structural units) that coil at low temperatures but
unwind at high temperatures. At low temperatures, the coiled polymers—because of their
compact shape—do not contribute very much to the oil’s viscosity. As the temperature
increases, however, the molecules unwind and their long shape results in intermolecular
forces and molecular entanglements that prevent the viscosity from decreasing as much as 
it would normally. The result is an oil whose viscosity is less temperature dependent than it
would be otherwise, allowing the same oil to be used over a wider range of temperatures.
The 10W-40 designation indicates that the oil has an SAE rating of 10 at low temperatures
and 40 at high temperatures.



� FIGURE 11.23 Vaporization of Water Some
molecules in an open beaker have enough kinetic
energy to vaporize from the surface of the liquid.
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Capillary Action
Medical technicians often take advantage of capillary action—the ability of a liquid to
flow against gravity up a narrow tube—when taking a blood sample. The technician
pokes the patient’s finger with a pin, squeezes some blood out of the puncture, and then
collects the blood with a thin tube. When the tube’s tip comes into contact with the blood,
the blood is drawn into the tube by capillary action. The same force plays a role in the
way that trees and plants draw water from the soil.

Capillary action results from a combination of two forces: the attraction between
molecules in a liquid, called cohesive forces, and the attraction between these molecules
and the surface of the tube, called adhesive forces. The adhesive forces cause the liquid
to spread out over the surface of the tube, while the cohesive forces cause the liquid to
stay together. If the adhesive forces are greater than the cohesive forces (as is the case
for water in a glass tube), the attraction to the surface draws the liquid up the tube and
the cohesive forces pull along those molecules not in direct contact with the tube walls
(Figure 11.21 �). The water rises up the tube until the force of gravity balances the cap-
illary action—the thinner the tube, the higher the rise. If the adhesive forces are smaller
than the cohesive forces (as is the case for liquid mercury), the liquid does not rise up
the tube at all (and in fact will drop to a level below the level of the surrounding liquid).

The result of the differences in the relative magnitudes of cohesive and adhesive
forces can be seen by comparing the meniscus of water to the meniscus of mercury
(Figure 11.22 �). (The meniscus is the curved shape of a liquid surface within a tube.)
The meniscus of water is concave (rounded inward) because the adhesive forces are
greater than the cohesive forces, causing the edges of the water to creep up the sides of
the tube a bit, forming the familiar cupped shape. The meniscus of mercury is convex
(rounded outward) because the cohesive forces—due to metallic bonding between the
atoms—are greater than the adhesive forces. The mercury atoms crowd toward the interi-
or of the liquid to maximize their interactions with each other, resulting in the upward
bulge at the center of the surface.

11.5 Vaporization and Vapor Pressure
We now turn our attention to vaporization, the process by which thermal energy can over-
come intermolecular forces and produce a state change from liquid to gas. We will first
discuss the process of vaporization itself, then the energetics of vaporization, and finally
the concepts of vapor pressure, dynamic equilibrium, and critical point. Vaporization is a
common occurrence that we experience every day and even depend on to maintain prop-
er body temperature.

The Process of Vaporization
Imagine water molecules in a beaker at room temperature and open to the atmosphere
(Figure 11.23 �). The molecules are in constant motion due to thermal energy. If you
could actually see the molecules at the surface, you
would witness what Roald Hoffmann described as a
“wild dance floor” (see the chapter-opening quote)
because of all the vibrating, jostling, and molecular
movement. The higher the temperature, the greater
the average energy of the collection of molecules.
However, at any one time, some molecules would
have more thermal energy than the average and some
would have less.

The distributions of thermal energies for the
molecules in a sample of water at two different tem-

� Blood is drawn into a capillary tube
by capillary action.

� FIGURE 11.21 Capillary Action
The attraction of water molecules to
the glass surface draws the liquid
around the edge of the tube up the
walls. The water in the rest of the col-
umn is pulled along by the attraction
of water molecules to one another. As
can be seen above, the narrower the
tube, the higher the liquid will rise.

� FIGURE 11.22 Meniscuses of Water
and Mercury The meniscus of water
(dyed red for visibility at left) is con-
cave because water molecules are more
strongly attracted to the glass wall than
to one another. The meniscus of mer-
cury is convex because mercury atoms
are more strongly attracted to one an-
other than to the glass walls.

H2O(g)

H2O(l)
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Distribution of Thermal Energy � FIGURE 11.24 Distribution of 
Thermal Energy The thermal 
energies of the molecules in a liquid
are distributed over a range. The peak
energy increases with increasing 
temperature.

peratures are shown in Figure 11.24 �. The molecules at the high end of the distribution
curve have enough energy to break free from the surface—where molecules are held less
tightly than in the interior due to fewer neighbor–neighbor interactions—and into the gas
state. This transition, from liquid to gas, is called vaporization. Some of the water mole-
cules in the gas state, at the low end of the energy distribution curve for the gaseous mol-
ecules, may plunge back into the water and be captured by intermolecular forces. This
transition, from gas to liquid, is the opposite of vaporization and is called condensation.

Although both evaporation and condensation occur in a beaker open to the atmosphere,
under normal conditions evaporation takes place at a greater rate because most of the newly
evaporated molecules escape into the surrounding atmosphere and never come back. The
result is a noticeable decrease in the water level within the beaker over time (usually sever-
al days).

What happens if we increase the temperature of the water within the beaker? Be-
cause of the shift in the energy distribution to higher energies (see Figure 11.24), more
molecules now have enough energy to break free and evaporate, so vaporization occurs
more quickly. What happens if we spill the water on the table or floor? The same amount
of water is now spread over a wider area, resulting in more molecules at the surface of the
liquid. Since molecules at the surface have the greatest tendency to evaporate—because
they are held less tightly—vaporization also occurs more quickly in this case. You prob-
ably know from experience that water in a beaker or glass may take many days to evapo-
rate completely, while the same amount of water spilled on a table or floor typically
evaporates within a few hours (depending on the exact conditions).

What happens if the liquid in the beaker is not water, but some other substance with
weaker intermolecular forces, such as acetone (acetone is the main component in nail
polish remover)? The weaker intermolecular forces allow more molecules to evaporate at
a given temperature, again increasing the rate of vaporization. We call liquids that vapor-
ize easily volatile, and those that do not vaporize easily nonvolatile. Acetone is more
volatile than water. Motor oil is virtually nonvolatile at room temperature.

Summarizing the Process of Vaporization:
� The rate of vaporization increases with increasing temperature.
� The rate of vaporization increases with increasing surface area.
� The rate of vaporization increases with decreasing strength of intermolecular forces.

The Energetics of Vaporization
To understand the energetics of vaporization, consider again a beaker of water from the
molecular point of view, except now let’s imagine that the beaker is thermally insulated
so that heat from the surroundings cannot enter the beaker. What happens to the temper-
ature of the water left in the beaker as molecules evaporate? To answer this question,
think about the energy distribution curve again (see Figure 11.24). The molecules that
leave the beaker are the ones at the high end of the energy curve—the most energetic. If

See Chapter 6 to review endothermic
and exothermic processes.
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no additional heat enters the beaker, the average energy of the entire collection of mole-
cules goes down—much as the class average on an exam goes down if you eliminate the
highest-scoring students. So vaporization is an endothermic process; it takes energy to
vaporize the molecules in a liquid. Another way to understand the endothermicity of va-
porization is to remember that vaporization requires overcoming the intermolecular
forces that hold liquids together. Since energy is needed to pull the molecules away from
one another, the process is endothermic.

Our bodies use the endothermic nature of vaporization for cooling. When you overheat,
you sweat, causing your skin to be covered with liquid water. As this water evaporates, it ab-
sorbs heat from your body, cooling your skin. A fan makes you feel cooler because it blows
newly vaporized water away from your skin, allowing more sweat to vaporize and causing
even more cooling. High humidity, on the other hand, slows down the net rate of evaporation,
preventing cooling. When the air already contains large amounts of water vapor, the sweat
evaporates more slowly, making your body’s cooling system less efficient.

Condensation, the opposite of vaporization, is exothermic—heat is released when a
gas condenses to a liquid. If you have ever accidentally put your hand above a steaming
kettle, or opened a bag of microwaved popcorn too soon, you may have experienced a
steam burn. As the steam condenses to a liquid on your skin, it releases a lot of heat,
causing the burn. The condensation of water vapor is also the reason that winter
overnight temperatures in coastal regions, which tend to have water vapor in the air, do
not get as low as in deserts, which tend to have dry air. As the air temperature in a coastal
area drops, water condenses out of the air, releasing heat and preventing the temperature
from dropping further. In deserts, the air contains almost no moisture to condense, so the
temperature drop is more extreme.

Heat of Vaporization The amount of heat required to vaporize one mole of a liquid to gas is
its heat of vaporization . The heat of vaporization of water at its normal boiling
point of 100 °C is 

The heat of vaporization is always positive because the process is endothermic—energy
must be absorbed to vaporize a substance. The heat of vaporization is somewhat
temperature dependent. For example, at 25 °C the heat of vaporization of water is

slightly more than at 100 °C because the water contains less thermal en-
ergy at 25 °C. Table 11.7 lists the heats of vaporization of several liquids at their boiling
points and at 25 °C.

When a substance condenses from a gas to a liquid, the same amount of heat is in-
volved, but the heat is emitted rather than absorbed.

When one mole of water condenses, it releases of heat. The sign of in this
case is negative because the process is exothermic.

The heat of vaporization of a liquid can be used to calculate the amount of energy re-
quired to vaporize a given mass of the liquid (or the amount of heat given off by the con-
densation of a given mass of liquid), using concepts similar to those covered in Section 6.6
(stoichiometry of ). You can use the heat of vaporization as a conversion factor be-
tween number of moles of a liquid and the amount of heat required to vaporize it (or the
amount of heat emitted when it condenses), as demonstrated in the following example.

¢H

¢H40.7 kJ

H2O(g) ¡ H2O(l)   ¢H = - ¢Hvap = -40.7 kJ (at 100 °C)

+44.0 kJ >  mol,

H2O(l) ¡ H2O(g)    ¢Hvap = +40.7 kJ>mol

+40.7 kJ >  mol:
(≤Hvap)

� When you sweat, water evaporates
from the skin. Since evaporation is 
endothermic, the result is a cooling 
effect.

TABLE 11.7 Heats of Vaporization of Several Liquids at Their Boiling Points and at 25 °C

Chemical Normal Boiling at at 
Liquid Formula Point (°C) Boiling Point 25 °C

Water 100 40.7 44.0

Rubbing alcohol 82.3 39.9 45.4
(isopropyl alcohol)

Acetone 56.1 29.1 31.0

Diethyl ether 34.6 26.5 27.1C4H10O

C3H6O

C3H8O

H2O

≤H vap (kJ/mol)≤Hvap (kJ/mol)

The sign conventions of were
introduced in Chapter 6.

¢H
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Rate of evaporation �
rate of condensation
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SORT You are given a certain amount of heat in kilojoules
and asked to find the mass of water that can be vaporized.

GIVEN: 155 kJ

FIND: g H2O

STRATEGIZE The heat of vaporization gives the relation-
ship between heat absorbed and moles of water vaporized.
Begin with the given amount of heat (in kJ) and convert to
moles of water that can be vaporized. Then use the molar
mass as a conversion factor to convert from moles of water
to mass of water.

CONCEPTUAL PLAN

RELATIONSHIPS USED

18.02 g H2O = 1 mol H2O

¢Hvap = 40.7 kJ >  mol (at 100 °C)

SOLVE Follow the conceptual plan to solve the problem. SOLUTION

155 kJ *
1 mol H2O

40.7 kJ
*

18.02 g H2O

1 mol H2O
= 68.6 g H2O

mol H2O g H2OkJ

1 mol H2O

40.7 kJ

18.02 g H2O

1 mol H2O

FOR PRACTICE 11.3
Calculate the amount of heat (in kJ) required to vaporize 2.58 kg of water at its boiling
point.

FOR MORE PRACTICE 11.3
Suppose that 0.48 g of water at 25 °C condenses on the surface of a 55-g block of
aluminum that is initially at 25 °C. If the heat released during condensation goes only
toward heating the metal, what is the final temperature (in °C) of the metal block?
(The specific heat capacity of aluminum is )0.903 J >  g °C.

Vapor Pressure and Dynamic Equilibrium
We have already seen that if a container of water is left uncovered at room temperature,
the water slowly evaporates away. But what happens if the container is sealed? Imagine a
sealed evacuated flask—one from which the air has been removed—containing liquid
water, as shown in Figure 11.25 �. Initially, the water molecules evaporate, as they did in
the open beaker. However, because of the
seal, the evaporated molecules cannot es-
cape into the atmosphere. As water mole-
cules enter the gas state, some start
condensing back into the liquid. As the
concentration (or partial pressure) of

EXAMPLE 11.3 Using the Heat of Vaporization in Calculations
Calculate the mass of water (in g) that can be vaporized at its boiling point with 155 kJ
of heat.

� FIGURE 11.25 Vaporization in a
Sealed Flask (a) When water is
placed into a sealed container, water
molecules begin to vaporize. (b) As
water molecules build up in the gas
state, they begin to recondense into 
the liquid. (c) When the rate of evapo-
ration equals the rate of condensation,
dynamic equilibrium is reached.
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gaseous water molecules increases, the rate of condensation also increases. However, as
long as the water remains at a constant temperature, the rate of evaporation remains
constant. Eventually the rate of condensation and the rate of vaporization become
equal—dynamic equilibrium has been reached (Figure 11.26 �). Condensation and
vaporization continue at equal rates and the concentration of water vapor above the liquid
is constant.

The pressure of a gas in dynamic equilibrium with its liquid is called its vapor pres-
sure. The vapor pressure of a particular liquid depends on the intermolecular forces pres-
ent in the liquid and the temperature. Weak intermolecular forces result in volatile
substances with high vapor pressures because the intermolecular forces are easily over-
come by thermal energy. Strong intermolecular forces result in nonvolatile substances
with low vapor pressures.

A liquid in dynamic equilibrium with its vapor is a balanced system that tends to
return to equilibrium if disturbed. For example, consider a sample of n-pentane (a com-
ponent of gasoline) at 25 °C in a cylinder equipped with a moveable piston (Figure
11.27a �). The cylinder contains no other gases except n-pentane vapor in dynamic
equilibrium with the liquid. Since the vapor pressure of n-pentane at 25 °C is 510 mmHg,
the pressure in the cylinder is 510 mmHg. Now, what happens when the piston is
moved upward to expand the volume within the cylinder? Initially, the pressure in the
cylinder drops below 510 mmHg, in accordance with Boyle’s law. Then, however,
more liquid vaporizes until equilibrium is reached once again (Figure 11.27b). If the
volume of the cylinder is expanded again, the same thing happens—the pressure ini-
tially drops and more n-pentane vaporizes to bring the system back into equilibrium.
Further expansion will cause the same result as long as some liquid n-pentane remains
in the cylinder.

Conversely, what happens if the piston is lowered, decreasing the volume in the
cylinder? Initially, the pressure in the cylinder rises above 510 mmHg, but then some of
the gas condenses into liquid until equilibrium is reached again (Figure 11.27c).

We can describe the tendency of a system in dynamic equilibrium to return to equi-
librium with the following general statement:

When a system in dynamic equilibrium is disturbed, the system responds so
as to minimize the disturbance and return to a state of equilibrium.

If the pressure above a liquid–vapor system in equilibrium is decreased, some of the liquid
evaporates, restoring the equilibrium pressure. If the pressure is increased, some of the
vapor condenses, bringing the pressure back down to the equilibrium pressure. This basic
principle—Le Châtelier’s principle—is applicable to any chemical system in equilibri-
um, as we shall see in Chapter 14.

� FIGURE 11.26 Dynamic Equilibrium
Dynamic equilibrium occurs when the
rate of condensation is equal to the
rate of evaporation.

Dynamic
equilibrium

Volume is increased,
pressure falls.

More gas vaporizes,
pressure is restored.

Volume is decreased,
pressure rises.

More gas condenses,
pressure is restored.

(a) (b) (c)

� FIGURE 11.27 Dynamic Equilibrium
in n-Pentane (a) Liquid n-pentane is
in dynamic equilibrium with its vapor.
(b) When the volume is increased, the
pressure drops and some liquid is con-
verted to gas to bring the pressure back
up. (c) When the volume is decreased,
the pressure increases and some gas is
converted to liquid to bring the pres-
sure back down.

Boyle’s law is discussed in Section 5.3.



11.5 Vaporization and Vapor Pressure 475

� FIGURE 11.28 Vapor Pressure of
Several Liquids at Different Tempera-
tures At higher temperatures, more
molecules have enough thermal energy
to escape into the gas state, so vapor
pressure increases with increasing
temperature.

Conceptual Connection 11.2 Vapor Pressure
What happens to the vapor pressure of a substance when its surface area is increased at
constant temperature?

(a) The vapor pressure increases.

(b) The vapor pressure remains the same.

(c) The vapor pressure decreases.

ANSWER: (b) Although the rate of vaporization increases with increasing surface area, the vapor
pressure of a liquid is independent of surface area. An increase in surface increases both the rate of
vaporization and the rate of condensation—the effects of surface area exactly cancel and the vapor
pressure does not change.

Temperature Dependence of Vapor Pressure and Boiling Point
When the temperature of a liquid is increased, its vapor pressure
rises because the higher thermal energy increases the number of
molecules that have enough energy to vaporize (see Figure 11.24).
Because of the shape of the thermal energy distribution curve, a
small change in temperature makes a large difference in the num-
ber of molecules that have enough energy to vaporize, which re-
sults in a large increase in vapor pressure. For example, the vapor
pressure of water at 25 °C is 23.3 torr, while at 60 °C the vapor
pressure is 149.4 torr. Figure 11.28 � shows the vapor pressure of
water and several other liquids as a function of temperature.

The boiling point of a liquid is the temperature at which its
vapor pressure equals the external pressure. When a liquid
reaches its boiling point, the thermal energy is enough for mole-
cules in the interior of the liquid (not just those at the surface) to
break free of their neighbors and enter the gas state (Figure
11.29 �). The bubbles in boiling water are pockets of gaseous
water that have formed within the liquid water. The bubbles float
to the surface and leave as gaseous water or steam.

The normal boiling point of a liquid is the temperature at which its vapor pressure
equals 1 atm. The normal boiling point of pure water is 100 °C. However, at a lower pres-
sure, water boils at a lower temperature. In Denver, Colorado, where the altitude is
around 1600 meters (5200 feet) above sea level, for example, the average atmospheric
pressure is about 83% of what it is at sea level, and water boils at approximately 94 °C.
For this reason, it takes slightly longer to cook food in boiling water in Denver than in
San Francisco (which is at sea level). Table 11.8 on the next page shows the boiling point
of water at several locations of varied altitudes.

Once the boiling point of a liquid is reached, additional heating only causes more
rapid boiling; it does not raise the temperature of the liquid above its boiling point, as
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� FIGURE 11.29 Boiling A liquid
boils when thermal energy is high
enough to cause molecules in the 
interior of the liquid to become
gaseous, forming bubbles that rise 
to the surface.

Sometimes you see bubbles begin to
form in hot water below 100 °C. These
bubbles are dissolved air—not gaseous
water—leaving the liquid. Dissolved air
comes out of water as you heat it
because the solubility of a gas in a
liquid decreases with increasing
temperature (as we will see in 
Chapter 12).
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TABLE 11.8 Boiling Points of Water at Several Locations of Varied Altitudes

Location Elevation (ft)
Approximate 
Pressure (atm)*

Approximate Boiling 
Point of Water (°C)

Mt. Everest, Tibet (highest mountain 
peak on Earth)

29,035 0.32 78

Mt. McKinley (Denali), Alaska (highest
mountain peak in North America)

20,320 0.46 83

Mt. Whitney, California (highest mountain
peak in 48 contiguous U.S. states)

14,495 0.60 87

Denver, Colorado (mile high city) 5,280 0.83 94
Boston, Massachusetts (sea level) 20 1.0 100

*The atmospheric pressure in each of these locations is subject to weather conditions and can vary significantly from the values stated here.

� FIGURE 11.30 Temperature during
Boiling The temperature of water
during boiling remains at 100 °C.

Using the Clausius–Clapeyron equation
in this way ignores the relatively small
temperature dependence of ¢Hvap.

shown in the heating curve in Figure 11.30 �. Therefore, boiling water at
1 atm will always have a temperature of 100 °C. As long as liquid water is
present, its temperature cannot rise above its boiling point. After all the
water has been converted to steam, the temperature of the steam can contin-
ue to rise beyond 

The Clausius–Clapeyron Equation Now, let’s return our attention to Figure
11.28. As you can see from the graph, the vapor pressure of a liquid increases
with increasing temperature. However, the relationship is not linear. In other
words, doubling the temperature results in more than a doubling of the vapor
pressure. The relationship between vapor pressure and temperature is exponen-
tial, and can be expressed as follows:

[11.1]

In this expression is the vapor pressure, is a constant that depends on the gas, 
is the heat of vaporization, R is the gas constant ( K), and T is the tempera-
ture in kelvins. Equation 11.1 can be rearranged by taking the natural logarithm of
both sides:

[11.2]

Since we can rearrange the right side of Equation 11.2:

[11.3]

Since (see Appendix IB), we can simplify Equation 11.3:

[11.4]

A slight additional rearrangement gives us the following important result:

Clausius–Clapeyron equation

(equation for a line)

Notice the parallel relationship between the Clausius–Clapeyron equation and the
equation for a straight line. Just as a plot of y versus x yields a straight line with slope m
and intercept b, so a plot of (equivalent to y) versus (equivalent to x) gives a
straight line with slope (equivalent to m) and y-intercept ln (equivalent
to b), as shown in Figure 11.31 �. The Clausius–Clapeyron equation gives a linear
relationship—not between the vapor pressure and the temperature (which have an expo-

b- ¢Hvap >  R
1 >  Tln Pvap

 y = m (x) + b

 ln Pvap =
- ¢Hvap

R
a 1

T
b + ln b

ln Pvap = ln b +
- ¢Hvap

RT

ln ex = x

ln Pvap = ln b + ln cexpa - ¢Hvap

RT
b d

ln AB = ln A + ln B,

ln Pvap = ln cb expa - ¢Hvap

RT
b d

8.314 J >  mol #
¢HvapbPvap

Pvap = b expa - ¢Hvap

RT
b
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nential relationship)—but between the natural log of the vapor pressure and the inverse
of temperature. This is a common technique in the analysis of chemical data. If two vari-
ables are not linearly related, it is often convenient to find ways to graph functions of
those variables that are linearly related.

The Clausius–Clapeyron equation leads to a convenient way to measure the heat of
vaporization in the laboratory. We just measure the vapor pressure of a liquid as a func-
tion of temperature and create a plot of the natural log of the vapor pressure versus the in-
verse of the temperature. We can then determine the slope of the line to find the heat of
vaporization, as shown in the following example.
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= -¢Hvap/R

¢Hvap = -slope * R
= 3478 K * 8.314 J/mol#K
= 28.92 * 103 J/mol

� FIGURE 11.31 A Clausius–
Clapeyron Plot for Diethyl Ether
( ) A plot of the natu-
ral log of the vapor pressure versus the
inverse of the temperature in K yields
a straight line with slope - ¢Hvap >  R.

CH3CH2OCH2CH3

Temperature (K) Vapor Pressure (torr)

200 0.8

220 4.5

240 21

260 71

280 197

300 391

Determine the heat of vaporization of dichloromethane.

SOLUTION
To find the heat of vaporization, use an Excel spreadsheet or a graphing cal-
culator to make a plot of the natural log of vapor pressure (ln P) as a function
of the inverse of the temperature in kelvins Then fit the points to a line
and determine the slope of the line. The slope of the best fitting line is

Since the slope equals we find the heat of vaporiza-
tion as follows:

 = 31.4 kJ >  mol

 = 3.14 * 104 J >  mol

 = -(-3773 K)(8.314 J>mol # K)

¢Hvap = -slope * R
slope  = - ¢Hvap >  R

- ¢Hvap >  R-3773 K.

(1 >  T).

EXAMPLE 11.4 Using the Clausius–Clapeyron Equation to
Determine Heat of Vaporization from Experimental Measurements
of Vapor Pressure
The vapor pressure of dichloromethane was measured as a function of temperature, and
the following results were obtained:
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y � �3773x � 18.8



478 Chapter  11 Liquids, Solids, and Intermolecular Forces

FOR PRACTICE 11.4
The vapor pressure of carbon tetrachloride was measured as a function of the temper-
ature and the following results were obtained:

Determine the heat of vaporization of carbon tetrachloride.

The Clausius–Clapeyron equation can also be expressed in a two-point form that we
can use with just two measurements of vapor pressure and temperature to determine the
heat of vaporization.

ln 
P2

P1
=

- ¢Hvap

R
a 1

T2
-

1

T1
b    Clausius–Clapeyron equation

The two-point method is generally
inferior to plotting multiple points
because fewer data points result in
greater possible error.

(two-point form)

We can use this form of the equation to predict the vapor pressure of a liquid at any tem-
perature if we know the enthalpy of vaporization and the normal boiling point (or the
vapor pressure at some other temperature), as shown in the following example.

EXAMPLE 11.5 Using the Two-Point Form of the
Clausius–Clapeyron Equation to Predict the Vapor Pressure at a
Given Temperature
Methanol has a normal boiling point of 64.6 °C and a heat of vaporization of

What is the vapor pressure of methanol at 12.0 °C?35.2 kJ >  mol.
(¢Hvap)

SORT You are given the normal boiling point of methanol
(the temperature at which the vapor pressure is 760 mmHg)
and the heat of vaporization. You are asked to find the vapor
pressure at a specified temperature which is also given.

GIVEN:

FIND: P2

T2(°C) = 12.0 °C

¢Hvap = 35.2 kJ>mol

P1 = 760 torr
T1(°C) = 64.6 °C

STRATEGIZE The conceptual plan is essentially the
Clausius–Clapeyron equation, which relates the given 
and find quantities.

CONCEPTUAL PLAN

(Clausius–Clapeyron equation, two-point form)

ln 
P2

P1
=

- ¢Hvap

R
a 1

T2
-

1

T1
b

SOLVE First, convert and from °C to K.T2T1 SOLUTION

 = 285.2 K

 = 12.0 + 273.15

T2(K) = T2(°C) + 273.15

 = 337.8 K

 = 64.6 + 273.15

T1(K) = T1(°C) + 273.15

Temperature (K) Vapor Pressure (torr)

255 11.3

265 21.0

275 36.8

285 61.5

295 99.0

300 123.8
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Then, substitute the required values into the Clausius–
Clapeyron equation and solve for P2.

 = 75.4 torr

 = 760 torr(0.0993)

P2  = P1(e-2.31)

P2

P1
 = e-2.31

 = -2.31

ln 
P2

P1
 =

-35.2 * 103 J

mol

8.314
J

mol # K

a 1

285.2 K
-

1

337.8 K
b

ln 
P2

P1
=

- ¢Hvap

R
a 1

T2
-

1

T1
b

CHECK The units of the answer are correct. The magnitude of the answer makes sense because vapor pressure should be 
significantly lower at the lower temperature.

FOR PRACTICE 11.5
Propane has a normal boiling point of and a heat of vaporization of What is the vapor pres-
sure of propane at 25.0 °C?

19.04 kJ>mol.(¢Hvap)-42.0 °C

The Critical Point: The Transition 
to an Unusual State of Matter
We have considered the vaporization of a liquid in a container open to the atmosphere with
and without heating, and the vaporization of a liquid in a sealed container without heating.
We now examine the vaporization of a liquid in a sealed container during heating. Consid-
er liquid n-pentane in equilibrium with its vapor in a sealed container initially at 25 °C. At
this temperature, the vapor pressure of n-pentane is 0.67 atm. What happens if we heat the
liquid? As the temperature rises, more n-pentane vaporizes and the pressure within the
container increases. At 100 °C, the pressure is 5.5 atm, and at 190 °C the pressure is
29 atm. As the temperature and pressure raise, more and more gaseous n-pentane is forced
into the same amount of space, and the density of the gas gets higher and higher. At the
same time, the increasing temperature causes the density of the liquid to become lower
and lower. At 197 °C, the meniscus between the liquid and gaseous n-pentane disappears
and the gas and liquid states commingle to form a supercritical fluid (Figure 11.32 �). For
any substance, the temperature at which this transition occurs is called the critical tem-
perature . The liquid cannot exist (regardless of pressure) above this temperature. The
pressure at which this transition occurs is called the critical pressure . (Pc)

(Tc)

T � Tc — Two Phases T � Tc — One Phase

Gas

Liquid
Super-
critical
fluid

Increasing temperature

� FIGURE 11.32 Critical Point Transition As n-pentane is heated in a sealed container, it under-
goes a transition to a supercritical fluid. At the critical point, the meniscus separating the liquid and
gas disappears, and the fluid becomes supercritical—neither a liquid nor a gas.
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Researchers are interested in supercritical fluids because of their unique properties.
A supercritical fluid has properties of both liquids and gases—it is in some sense inter-
mediate between the two. Supercritical fluids can act as good solvents, selectively dis-
solving a number of compounds. For example, supercritical carbon dioxide is used as a
solvent to extract caffeine from coffee beans. The caffeine dissolves in the supercritical
carbon dioxide, but other substances—such as those responsible for the flavor of
coffee—do not. Consequently, the caffeine can be removed without substantially altering
the coffee’s flavor. The supercritical carbon dioxide is easily removed from the mixture
by simply lowering the pressure below the critical pressure, at which point the carbon
dioxide evaporates away, leaving no residue.

11.6 Sublimation and Fusion
In Section 11.5, we examined a beaker of liquid water at room temperature from the mo-
lecular viewpoint. Now, let’s examine a block of ice at from the same molecular
perspective, paying close attention to two common processes: sublimation and fusion.

Sublimation
Even though a block of ice is solid, the water molecules have thermal energy which caus-
es each one to vibrate about a fixed point. The motion is much less vigorous than in a liq-
uid, but significant nonetheless. As in liquids, at any one time some molecules in the
block of ice have more thermal energy than the average and some have less. The mole-
cules with high enough thermal energy can break free from the ice surface—where, as in
liquids, molecules are held less tightly than in the interior due to fewer neighbor–neigh-
bor interactions—and go directly into the gas state (Figure 11.33 �). This process is
sublimation, the transition from solid to gas. Some of the water molecules in the gas
state (those at the low end of the energy distribution curve for the gaseous molecules) can
collide with the surface of the ice and be captured by the intermolecular forces with other
molecules. This process—the opposite of sublimation—is deposition, the transition
from gas to solid. As is the case with liquids, the pressure of a gas in dynamic equilibri-
um with its solid is the vapor pressure of the solid.

Although both sublimation and deposition occur on the surface of an ice block open
to the atmosphere at sublimation usually occurs at a greater rate because most of
the newly sublimed molecules escape into the surrounding atmosphere and never come
back. The result is a noticeable decrease in the size of the ice block over time (even
though the temperature is below the melting point).

If you live in a cold climate, you may have noticed the disappearance of ice and
snow from the ground even though the temperature remains below 0 °C. Similarly, ice
cubes left in the freezer for a long time slowly shrink, even though the freezer is always
below 0 °C. In both cases, the ice is subliming, turning directly into water vapor. Ice also
sublimes out of frozen foods. You may have noticed, for example, the gradual growth of
ice crystals on the inside of airtight plastic food-storage bags in a freezer. The ice crys-
tals are composed of water that has sublimed out of the food and redeposited on the sur-
face of the bag or on the surface of the food. For this reason, food that remains frozen for
too long becomes dried out. Such dehydration can be avoided to some degree by freez-
ing foods to colder temperatures, a process called deep-freezing. The colder temperature
lowers the vapor pressure of ice and preserves the food longer. Freezer burn on meats is
another common manifestation of sublimation. When you improperly store meat (for
example, in a container that is not airtight) sublimation continues unabated. The result is
the dehydration of the surface of the meat, which becomes discolored and loses flavor
and texture.

A substance commonly associated with sublimation is solid carbon dioxide or dry
ice, which does not melt under atmospheric pressure no matter what the temperature.
However, at the molecules have enough energy to leave the surface of the
dry ice and become gaseous through sublimation.

CO2-78 °C

-10 °C,

-10 °C

� The ice crystals that form on frozen
food are due to sublimation of water
from the food and redeposition on its
surface.

H2O (g)

H2O (s)

� FIGURE 11.33 The Sublimation 
of Ice The water molecules at the 
surface of an ice cube can sublime 
directly into the gas state.
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The term fusion is used for melting
because if you heat several crystals 
of a solid, they fuse into a continuous
liquid upon melting.

� Dry ice (solid ) sublimes but 
does not melt at atmospheric pressure.

CO2

Fusion
Let’s return to our ice block and examine what happens at the molecular level as we
increase its temperature. The increasing thermal energy causes the water molecules to
vibrate faster and faster. At the melting point (0 °C for water), the molecules have
enough thermal energy to overcome the intermolecular forces that hold them at their
stationary points, and the solid turns into a liquid. This process is melting or fusion, the
transition from solid to liquid. The opposite of melting is freezing, the transition from
liquid to solid. Once the melting point of a solid is reached, additional heating only causes
more rapid melting; it does not raise the temperature of the solid above its melting point
(Figure 11.34 �). Only after all of the ice has melted will additional heating raise the tem-
perature of the liquid water past 0 °C. A mixture of water and ice will always have a tem-
perature of 0 °C (at 1 atm pressure).

� FIGURE 11.34 Temperature during
Melting The temperature of water
during melting remains at 0.0 °C as
long as both solid and liquid water 
remain.Heat added
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Energetics of Melting and Freezing
The most common way to cool a beverage quickly is to drop several ice cubes into it. As
the ice melts, the drink cools because melting is endothermic—the melting ice absorbs
heat from the liquid. The amount of heat required to melt 1 mol of a solid is called the
heat of fusion . The heat of fusion for water is 

The heat of fusion is positive because melting is endothermic.
Freezing, the opposite of melting, is exothermic—heat is released when a liquid

freezes into a solid. For example, as water in your freezer turns into ice, it releases heat,
which must be removed by the refrigeration system of the freezer. If the refrigeration sys-
tem did not remove the heat, the water would not completely freeze into ice. The heat re-
leased as the water began to freeze would warm the freezer, preventing further freezing.
The change in enthalpy for freezing has the same magnitude as the heat of fusion but the
opposite sign.

Different substances have different heats of fusion as shown in Table 11.9.

H2O(l) ¡ H2O(s)  ¢H = - ¢Hfus = -6.02 kJ>  mol

H2O(s) ¡ H2O(l)  ¢Hfus = 6.02 kJ>mol

6.02 kJ >  mol:(≤H fus)

TABLE 11.9 Heats of Fusion of Several Substances

Chemical Melting 
Liquid Formula Point (°C)

Water 0.00 6.02

Rubbing alcohol 5.37
(isopropyl alcohol)

Acetone 5.69

Diethyl ether 7.27-116.3C4H10O

-94.8C3H6O

-89.5C3H8O

H2O

≤H fus (kJ/mol)
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In general, the heat of fusion is significantly less than the
heat of vaporization, as shown in Figure 11.35 �. We have al-
ready seen that the solid and liquid states are closer to each other
in many ways than they are to the gas state. It takes less energy to
melt 1 mol of ice into liquid than it does to vaporize 1 mol of liq-
uid water into gas because vaporization requires complete sepa-
ration of molecules from one another, so the intermolecular
forces must be completely overcome. Melting, however, requires
that intermolecular forces be only partially overcome, allowing
molecules to move around one another while still remaining in
contact.

11.7 Heating Curve for Water
We can combine and build on the concepts from the previous two

sections by examining the heating curve for 1.00 mol of water at 1.00 atm pressure
shown in Figure 11.36 �. The y-axis of the heating curve represents the temperature of
the water sample. The x-axis represents the amount of heat added (in kilojoules) during
heating. As you can see from the diagram, the process can be divided into five segments:
(1) ice warming; (2) ice melting into liquid water; (3) liquid water warming; (4) liquid
water vaporizing into steam; and (5) steam warming.

In two of these segments (2 and 4) the temperature is constant as heat is added be-
cause the added heat goes into producing the transition between states, not into increas-
ing the temperature. The two states are in equilibrium during the transition and the
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� FIGURE 11.35 Heat of Fusion and
Heat of Vaporization Typical heats of
fusion are significantly less than heats
of vaporization.
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temperature remains constant. The amount of heat required to achieve the state change is
given by 

In the other three segments (1, 3, and 5), temperature increases linearly. These seg-
ments represent the heating of a single state in which the deposited heat raises the tem-
perature in accordance with the substance’s heat capacity We examine
each of these segments individually.

Segment 1 In segment 1, solid ice is warmed from to 0 °C. Since no transition be-
tween states occurs here, the amount of heat required to heat the solid ice is given by

(see Section 6.4), where is the specific heat capacity of ice
For 1.00 mol of water (18.0 g), the amount of heat is computed as

follows:

So in segment 1, 0.941 kJ of heat is added to the ice, warming it from to 0 °C.

Segment 2 In segment 2, the added heat does not change the temperature of the ice and
water mixture because the heat is absorbed by the transition from solid to liquid. The amount
of heat required to convert the ice to liquid water is given by where n is the
number of moles of water and is the heat of fusion (see Section 11.6).

In segment 2, 6.02 kJ is added to the ice, melting it into liquid water. Notice that the tem-
perature does not change during melting. The liquid and solid coexist at 0 °C as the melt-
ing occurs.

Segment 3 In segment 3, the liquid water is warmed from 0 °C to 100 °C. Since no transi-
tion between states occurs here, the amount of heat required to heat the liquid water is given
by as in segment 1. However, now we must use the heat capacity of liquid
water (not ice) for the calculation. For 1.00 mol of water (18.0 g), the amount of heat is com-
puted as follows:

So in segment 3, 7.52 kJ of heat is added to the liquid water, warming it from 0 °C to
100 °C.

Segment 4 In segment 4, the water undergoes a second transition between states, this time
from liquid to gas. The amount of heat required to convert the liquid to gas is given by

where n is the number of moles and is the heat of vaporization (see
Section 11.5).

Thus, in segment 4, 40.7 kJ is added to the water, vaporizing it into steam. Notice that the
temperature does not change during boiling. The liquid and gas coexist at 100 °C as the
boiling occurs.

 = 40.7 kJ

 = 1.00 mola40.7 kJ

mol
b

q = n ¢Hvap

¢Hvapq = n ¢Hvap ,

 = 7.52 * 103 J = 7.52 kJ

 = 18.0 ga4.18
J

g # °C
b (100.0 °C - 0.0 °C)

q = mCs, liq ¢T

q = mCs ¢T,

 = 6.02 kJ

 = 1.00 mola6.02 kJ

mol
b

q = n ¢Hfus

¢Hfus

q = n ¢Hfus ,

-25° C

 = 941 J = 0.941 kJ

 = 18.0 ga2.09 

J

g # °C
b [0.0 °C - (-25.0 °C)]

q = mCs, ice ¢T

(Cs, ice = 2.09 J>g # °C).
Csq = mCs ¢T

-25 °C

(q = mCs ¢T).

q = n ¢H.
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Conceptual Connection 11.3 Cooling of Water with Ice
We just saw that the heat capacity of ice is and that the heat of fu-
sion of ice is When a small ice cube at is put into a cup of water at
room temperature, which of the following plays a larger role in cooling the liquid water:
the warming of the ice from to 0 °C, or the melting of the ice?

ANSWER: The warming of the ice from to 0 °C absorbs only of ice. The melting
of the ice, however, absorbs about of ice. (You can obtain this value by dividing the heat of
fusion of water by its molar mass.) Therefore, the melting of the ice produces a larger temperature
decrease in the water than does the warming of the ice.

334 J>  g
20.9 J>g-10 °C

-10 °C

-10 °C6.02 kJ>mol.
Cs, ice = 2.09 J>g # °C

11.8 Phase Diagrams
Throughout most of this chapter, we have examined how the state of a substance changes
with temperature and pressure. We can combine both the temperature dependence and
pressure dependence of the state of a particular substance in a graph called a phase dia-
gram. A phase diagram is a map of the state or phase of a substance as a function of
pressure (on the y-axis) and temperature (on the x-axis). We first examine the major fea-
tures of a phase diagram, then turn to navigating within a phase diagram, and finally ex-
amine and compare the phase diagrams of selected substances.

The Major Features of a Phase Diagram
We can become familiar with the major features of a phase diagram by examining the
phase diagram for water as an example (Figure 11.37 �). The y-axis displays the pressure
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� FIGURE 11.37 Phase Diagram 
for Water

Segment 5 In segment 5, the steam is warmed from 100 °C to 125 °C. Since no transition
between states occurs here, the amount of heat required to heat the steam is given by

(as in segments 1 and 3) except that we must use the heat capacity of steam

So in segment 5, 0.904 kJ of heat is added to the steam, warming it from 100 °C to
125 °C.

 = 904 = 0.904 kJ

 = 18.0 ga2.01
J

g # °C
b (125.0 °C - 100.0 °C)

q = mCs, steam ¢T
(2.01 J>g # °C).
q = mCs ¢T
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in torr and the x-axis displays the temperature in degrees Celsius. We can categorize the
main features of the phase diagram as regions, lines, and points.

Regions Any of the three main regions—solid, liquid, and gas—in the phase diagram rep-
resent conditions where that particular state is stable. For example, under any of the tem-
peratures and pressures within the liquid region in the phase diagram of water, the liquid is
the stable state. Notice that the point 25 °C and 760 torr falls within the liquid region, as
we know from everyday experience. In general, low temperature and high pressure favor
the solid state; high temperature and low pressure favor the gas state; and intermediate
conditions favor the liquid state. A sample of matter that is not in the state indicated by its
phase diagram for a given set of conditions will convert to that state when those conditions
are imposed. For example, steam that is cooled to room temperature at 1 atm will con-
dense to liquid.

Lines Each of the lines (or curves) in the phase diagram represents a set of temperatures
and pressures at which the substance is in equilibrium between the two states on either side
of the line. For example, in the phase diagram for water, consider the curved line beginning
just beyond 0 °C separating the liquid from the gas. This line is the vaporization curve (also
called the vapor pressure curve) for water that we examined in Section 11.5. At any of the
temperatures and pressures that fall along this line, the liquid and gas states of water are
equally stable and in equilibrium. For example, at 100 °C and 760 torr pressure, water and its
vapor are in equilibrium—they are equally stable and will coexist. The other two major lines
in a phase diagram are the sublimation curve (separating the solid and the gas) and the fusion
curve (separating the solid and the liquid).

The Triple Point The triple point in a phase diagram represents the unique set of condi-
tions at which three states are equally stable and in equilibrium. In the phase diagram for
water, the triple point occurs at 0.0098 °C and 4.58 torr. Under these unique conditions (and
only under these conditions), the solid, liquid, and gas states of water are equally stable and
will coexist in equilibrium.

The Critical Point The critical point in a phase diagram represents the temperature and
pressure above which a supercritical fluid exists. As we learned in Section 11.5, at the criti-
cal temperature and pressure, the liquid and gas states coalesce into a supercritical fluid.

Navigation within a Phase Diagram
We can represent changes in the temperature or pressure of a sample of water as move-
ment within the phase diagram. For example, suppose we heat a block of ice initially at
1.0 atm and We represent the change in temperature at constant pressure as
movement along the line marked A in Figure 11.38 �. As the temperature rises, we move

-25 °C.

The triple point of a substance such as
water can be reproduced anywhere to
calibrate a thermometer or pressure
gauge with a known temperature and
pressure.
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to the right along the line. At the fusion curve, the temperature stops rising and melting
occurs until the solid ice is completely converted to liquid water. Crossing the fusion
curve requires the complete transition from solid to liquid. Once the ice has completely
melted, the temperature of the liquid water can begin to rise until the vaporization curve
is reached. At this point, the temperature again stops rising and boiling occurs until all the
liquid is converted to gas.

We can represent a change in pressure by a vertical line on the phase diagram. For
example, suppose we lower the pressure above a sample of water initially at 1.0 atm and 25 °C.
We represent the change in pressure at constant temperature as movement along the line
marked B in Figure 11.38. As the pressure drops, we move down the line and approach
the vaporization curve. At the vaporization curve, the pressure stops dropping and vapor-
ization occurs until the liquid is completely converted to vapor. Crossing the vaporization
curve requires the complete transition from liquid to gas. Only after the liquid has all va-
porized can the pressure continue to drop.

The Phase Diagrams of Other Substances
Examine the phase diagrams of iodine and carbon dioxide, shown in Figure 11.39 �. The
phase diagrams are similar to that of water in most of their general features, but some sig-
nificant differences exist.

The fusion curves for both carbon dioxide and iodine have a positive slope—as the
temperature increases the pressure also increases—in contrast to the fusion curve for
water, which has a negative slope. The behavior of water is atypical. The fusion curve
within the phase diagrams for most substances has a positive slope because increasing
pressure favors the denser state, which for most substances is the solid state. For example,
suppose the pressure on a sample of iodine is increased from 1 atm to 100 atm at 184 °C,
as shown by line A in Figure 11.39(a). Notice that this change crosses the fusion curve,
converting the liquid into a solid. In contrast, a pressure increase from 1 atm to 100 atm
at in water causes a state transition from solid to liquid. Unlike most substances,
the liquid state of water is actually denser than the solid state.

Both water and iodine have stable solid, liquid, and gaseous states at a pressure of 
1 atm. However, notice that carbon dioxide has no stable liquid state at a pressure of 1 atm.
If we increase the temperature of a block of solid carbon dioxide (dry ice) at 1 atm, as in-
dicated by line B in Figure 11.39(b), we cross the sublimation curve at At this
temperature, the solid sublimes to a gas, which is one reason that dry ice is useful (it does
not melt into a liquid at atmospheric pressure). Carbon dioxide will form a liquid only
above pressures of 5.1 atm.
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� FIGURE 11.39 Phase Diagrams for Other Substances (a) Iodine, (b) Carbon dioxide.
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Conceptual Connection 11.4 Phase Diagrams
A substance has a triple point at -24.5 °C and 225 mm Hg. What is most likely to happen
to a solid sample of the substance as it is warmed from -35 °C to 0 °C at a pressure of
220 mm Hg?

(a) The solid will melt into a liquid.

(b) The solid will sublime into a gas.

(c) Nothing (the solid will remain as a solid).

ANSWER: (b) The solid will sublime into a gas. Since the pressure is below the triple point the
liquid state is not stable.

11.9 Water: An Extraordinary Substance
Water is easily the most common and important liquid on Earth. It fills our oceans, lakes,
and streams. In its solid form, it caps our mountains, and in its gaseous form, it humidi-
fies our air. We drink water, we sweat water, and we excrete bodily wastes dissolved in
water. Indeed, the majority of our body mass is water. Life is impossible without water,
and in most places on Earth where liquid water exists, life exists. Recent evidence for
water on Mars in the past has fueled hopes of finding life or evidence of past life there.
And though it may not be obvious to us (because we take water for granted), this familiar
substance turns out to have many remarkable properties.

Among liquids, water is unique. It has a low molar mass ( ), yet it is a
liquid at room temperature. Other main-group hydrides have higher molar masses but
lower boiling points, as shown in Figure 11.40 �. No other substance of similar molar
mass (except for HF) comes close to being a liquid at room temperature. We can under-
stand water’s high boiling point (in spite of its low molar mass) by examining its molec-
ular structure. The bent geometry of the water molecule and the highly polar nature of the

bonds result in a molecule with a significant dipole moment. Water’s two 
bonds (hydrogen directly bonded to oxygen) allow a water molecule to form strong hy-
drogen bonds with four other water molecules (Figure 11.41 �), resulting in a relatively
high boiling point. Water’s high polarity also allows it to dissolve many other polar and
ionic compounds, and even a number of nonpolar gases such as oxygen and carbon diox-
ide (by inducing a dipole moment in their molecules). Consequently, water is the main
solvent within living organisms, transporting nutrients and other important compounds
throughout the body. Water is the main solvent in our environment as well, allowing

O ¬ HO ¬ H

18.02 g>mol

� The Phoenix Mars Lander is look-
ing for evidence of life in frozen water
that lies below the surface of Mars’s
north polar region.
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aquatic animals, for example, to survive by breathing dissolved oxygen and allowing
aquatic plants to survive by using dissolved carbon dioxide for photosynthesis.

We have already seen in Section 6.4 that water has an exceptionally high specific
heat capacity, which has a moderating effect on the climate of coastal cities. In some
cities, such as San Francisco, for example, the daily fluctuation in temperature can be less
than 10 °C. This same moderating effect occurs over the entire planet, two-thirds of
which is covered by water. Without water, the daily temperature fluctuations on our plan-
et might be more like those on Mars, where temperature fluctuations of 63 °C (113 °F)
have been measured between midday and early morning. Imagine awakening to below
freezing temperatures, only to bake at summer desert temperatures in the afternoon!
The presence of water on Earth and its uniquely high specific heat capacity are largely
responsible for our planet’s much smaller daily fluctuations.

As we have seen, the way water freezes is also unique. Unlike other substances,
which contract upon freezing, water expands upon freezing. Consequently, ice is less
dense than liquid water, and it floats. This seemingly trivial property has significant con-
sequences. The frozen layer of ice at the surface of a winter lake insulates the water in the
lake from further freezing. If this ice layer sank, it would kill bottom-dwelling aquatic
life and possibly allow the lake to freeze solid, eliminating virtually all life in the lake.

The expansion of water upon freezing, however, is one reason that most organisms
do not survive freezing. When the water within a cell freezes, it expands and often rup-
tures the cell, just as water freezing within a pipe bursts the pipe. Many foods, especially
those with high water content, do not survive freezing very well either. Have you ever
tried, for example, to freeze your own vegetables? If you put lettuce or spinach in the
freezer, it will be limp and damaged when you defrost it. The frozen-food industry gets
around this problem by flash freezing vegetables and other foods. In this process, foods
are frozen nearly instantaneously, which prevents water molecules from settling into their
preferred crystalline structure. Consequently, the water does not expand very much and
the food remains largely undamaged.

� When lettuce freezes, the water
within its cells expands, rupturing
them.

CHEMISTRY IN THE ENVIRONMENT Water Pollution

Water quality is critical to human health. Many
human diseases—especially in developing na-
tions—are caused by poor water quality. Several

kinds of pollutants, including biological and chemical con-
taminants, can enter water supplies.

Chemical contaminants enter drinking water supplies as a
result of industrial dumping, pesticide and fertilizer use, and
household dumping. These contaminants include organic
compounds, such as carbon tetrachloride and dioxin, and inor-
ganic elements and compounds, such as mercury, lead, and ni-
trates. Since many chemical contaminants are neither volatile
nor alive (like biological contaminants), they are usually not
eliminated through boiling.

The U.S. Environmental Protection Agency (EPA), under
the Safe Drinking Water Act of 1974 and its amendments, sets
standards that specify the maximum contamination level
(MCL) for nearly 100 biological and chemical contaminants
in water. Water providers that serve more than 25 people must
periodically test the water they deliver to their consumers for
these contaminants. If levels exceed the standards set by the
EPA, the water provider must notify the consumer and take
appropriate measures to remove the contaminant from the
water. According to the EPA, if water comes from a provider
that serves more than 25 people, it should be safe to consume
over a lifetime. If it is not safe to drink for a short period of
time, providers must notify consumers.

Question
Why does boiling not eliminate a nonvolatile contaminant
such as lead?

Biological contaminants are microorganisms that cause
diseases such as hepatitis, cholera, dysentery, and typhoid.
They get into drinking water primarily when human or animal
waste is dumped into bodies of water. Drinking water in de-
veloped nations is usually chemically treated to kill microor-
ganisms. Water containing biological contaminants poses an
immediate danger to human health and should not be con-
sumed. Most biological contaminants can be eliminated from
untreated water by boiling.

� Uncontaminated,
sanitary water 
supplies are critical
to human health.
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11.10 Crystalline Solids: Determining 
Their Structure by X-Ray Crystallography
We have seen that crystalline solids are composed of atoms or molecules arranged in
structures with long-range order (see Section 11.2). If you have ever visited the mineral
section of a natural history museum and seen crystals with smooth faces and well-defined
angles between them, or if you have carefully observed the hexagonal shapes of
snowflakes, you have witnessed some of the effects of the underlying order in crystalline
solids. The often beautiful geometric shapes that you see on the macroscopic scale are the
result of specific structural patterns on the molecular and atomic scales. But how do we
study these patterns? How do we look into the atomic and molecular world to determine
the arrangement of the atoms and measure the distances between them? In this section,
we examine X-ray diffraction, a powerful laboratory technique that enables us to do ex-
actly that.

Recall from Section 7.2 that electromagnetic (or light) waves interact with each
other in a characteristic way called interference: they can cancel each other out or rein-
force each other, depending on the alignment of their crests and troughs. Constructive in-
terference occurs when two waves interact with their crests and troughs in alignment.
Destructive interference occurs when two waves interact in such a way that the crests of
one align with the troughs of the other. Recall also that when light encounters two slits
separated by a distance comparable to the wavelength of the light, constructive and de-
structive interference between the resulting beams produces a characteristic interference
pattern, consisting of alternating bright and dark lines.

� The well-defined angles and smooth
faces of crystalline solids reflect the 
underlying order of the atoms compos-
ing them.

Destructive interference

Constructive interference

�

�

�

�

Atoms within crystal structures have spacings between them on the order of 
so light of similar wavelength (which happens to fall in the X-ray region of the electro-
magnetic spectrum) forms interference patterns or diffraction patterns when it interacts
with those atoms. The exact pattern of diffraction reveals the spacings between planes of
atoms. Consider two planes of atoms within a crystalline lattice separated by a distance d,
as shown in Figure 11.42 � on the next page. If two rays of light with wavelength that
are initially in phase (that is, the crests of one wave are aligned with the crests of the
other) diffract from the two planes, the diffracted rays may interfere with each other con-
structively or destructively, depending on the difference between the path lengths trav-
eled by each ray. If the difference between the two path lengths ( ) is an integral number
(n) of wavelengths, then the interference will be constructive.

[11.5]nl = 2a   (criterion for constructive interference)

2a

l

102 pm,

� The hexagonal shape of a
snowflake derives from the hexagonal
arrangement of water molecules in
crystalline ice.
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Diffracted X-rays

X-ray detector

Crystalline
solid

Lead
screen

X-ray tube
source

X-rays

� FIGURE 11.43 X-Ray Diffraction
Analysis In X-ray crystallography,
an X-ray beam is passed through a
sample, which is rotated to allow dif-
fraction from different crystalline
planes. The resulting patterns, repre-
senting constructive interference from
various planes, are then analyzed to
determine crystalline structure.

Using trigonometry, we can see that the angle of reflection is related to the distance a
and the separation between layers (d) by the following relation:

[11.6]

Rearranging, we get:

[11.7]

By substituting Equation 11.7 into Equation 11.5, we arrive at the following important
relationship:

Bragg’s law

This equation is known as Bragg’s law. For a given wavelength of light incident on atoms
arranged in layers, we can measure the angle that produces constructive interference
(which appears as a bright spot on the X-ray diffraction pattern) and then compute d, the
distance between the atomic layers.

[11.8]

In a modern X-ray diffractometer (Figure 11.43 �), the diffraction pattern from a crystal
is collected and analyzed by a computer. By rotating the crystal and collecting the result-
ing diffraction patterns at different angles, the distances between various crystalline
planes can be measured, eventually yielding the entire crystalline structure. This process
is called X-ray crystallography. Researchers use X-ray crystallography to determine, not

d =
nl

2 sin u

nl = 2d sin u

a = d sin u

sin u =
a

d

(u)
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d

da

Ray 1

Ray 2

Atomic planes

Path difference = 2a

� FIGURE 11.42 Diffraction from a
Crystal When X-rays strike parallel
planes of atoms in a crystal, construc-
tive interference occurs if the differ-
ence in path length between beams
reflected from adjacent planes is an
integral number of wavelengths.
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To solve this problem, use Bragg’s law in the form given by Equation 11.8. The distance,
d, is the separation between layers in the crystal.

 = 143 pm

 =
154 pm

2 sin(32.6°)

d =
nl

2 sin u

EXAMPLE 11.6 Using Bragg’s Law
When an X-ray beam of was incident on the surface of an iron crystal, it
produced a maximum reflection at an angle of Assuming calculate
the separation between layers of iron atoms in the crystal.

SOLUTION

n = 1,u = 32.6°.
l = 154 pm

FOR PRACTICE 11.6
The spacing between layers of molybdenum atoms is 157 pm. Compute the angle at
which 154-pm X-rays would produce a maximum reflection for n = 1.

only the structures of simple atomic lattices, but also the structures of proteins, DNA, and
other biologically important molecules. For example, the famous X-ray diffraction pho-
tograph shown here, obtained by Rosalind Franklin and Maurice Wilkins, helped Watson
and Crick determine the double-helical structure of DNA. As we learned in Section 9.1,
researchers also used X-ray diffraction to determine the structure of HIV protease, a pro-
tein critical to the reproduction of HIV and the development of AIDS. That structure was
then used to design drug molecules that would inhibit the action of HIV protease, thus
halting the advance of the disease.

11.11 Crystalline Solids: Unit Cells 
and Basic Structures
X-Ray crystallography allows us to determine the regular arrangements of atoms within
a crystalline solid. This arrangement is called the crystalline lattice. The crystalline lat-
tice of any solid is nature’s way of aggregating the particles to minimize their energy. We
can represent the crystalline lattice with a small collection of atoms, ions, or molecules
called the unit cell. When the unit cell is repeated over and over—like the tiles of a floor
or the pattern in a wallpaper design, but in three dimensions—the entire lattice can be re-
produced. For example, consider the two-dimensional crystalline lattice shown at right.
The unit cell for this lattice is the dark-colored square. Each circle represents a lattice
point, a point in space occupied by an atom, ion, or molecule. Repeating the pattern in the
square throughout the two-dimensional space generates the entire lattice.

Many different unit cells exist and we often classify unit cells by their symmetry. In
this book, we focus primarily on cubic unit cells (although we will look at one hexagonal
unit cell). Cubic unit cells are characterized by equal edge lengths and 90° angles at their
corners. The three cubic unit cells—simple cubic, body-centered cubic, and face-centered
cubic—along with some of their basic characteristics, are presented in Figure 11.44 � on
the next page. We use two colors in this figure to help you visualize the different posi-
tions of the atoms; they do not represent different kinds of atoms. For these unit cells
each atom in any one structure is identical to the other atoms in that structure.

The simple cubic unit cell (Figure 11.45 � on the next page) consists of a cube with
one atom at each corner. The atoms touch along each edge of the cube, so the edge length
is twice the radius of the atoms . Even though it may seem like the unit cell con-
tains eight atoms, it actually contains only one. Each corner atom is shared by eight other
unit cells. In other words, any one unit cell actually contains only one-eighth of each of
the eight atoms at its corners, for a total of only one atom per unit cell.

A characteristic feature of any unit cell is the coordination number, the number of
atoms with which each atom is in direct contact. The coordination number is the number
of atoms with which a particular atom can strongly interact. The simple cubic unit cell has

(l = 2r)

Simple cubic

lr

l 2r=

� In the simple cubic lattice, the
atoms touch along each edge so that
the edge length is 2r.
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Cubic Cell Name

Simple Cubic

Body-centered
Cubic

Face-centered
Cubic

Atoms per
Unit Cell

1

2

4

Coordination
Number

6

8

12

Packing Efficiency
(fraction of volume occupied)

52%

68%

74%

Edge Length
in terms of r

2r

2 2r

4r
3

Structure

� FIGURE 11.44 The Cubic Crystalline Lattices The different colors used for the atoms in this 
figure are for clarity only. All atoms within each structure are identical.

1

Simple Cubic Unit Cell

Coordination number � 6

atom at each
of 8 corners

1

8

Atoms per unit cell�

� 8 �
1
8

� FIGURE 11.45 Simple Cubic Crystal Structure

a coordination number of 6; any one atom touches only six others, as you can see in Fig-
ure 11.45. A quantity closely related to the coordination number is the packing efficiency,
the percentage of the volume of the unit cell occupied by the spheres. The higher the coor-
dination number, the greater the packing efficiency. The simple cubic unit cell has a pack-
ing efficiency of 52%—the simple cubic unit cell contains a lot of empty space.

The body-centered cubic unit cell (Figure 11.46 �) consists of a cube with one
atom at each corner and one atom (of the same kind) in the very center of the cube. Note
that in the body-centered unit cell, the atoms do not touch along each edge of the cube,
but instead along the diagonal line that runs from one corner, through the middle of the
cube, to the opposite corner. The edge length in terms of the atomic radius is therefore

Unit cells, such as the cubic ones
shown here, are customarily portrayed
with “whole” atoms, even though only
a part of the whole atom may actually
be in the unit cell.



Face-Centered Cubic Unit Cell

Face-centered cubic:
extended structure
Coordination number � 12
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Face-centered cubic: unit cell
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� FIGURE 11.47 Face-Centered Cubic Crystal Structure The different colors used on the atoms in
this figure are for clarity only. All atoms within the structure are identical.
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Coordination number � 8
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of 8 corners
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1 atom
at center

Atoms per unit cell�

� 8 ��1 2 11
8

Body-Centered Cubic Unit Cell

� FIGURE 11.46 Body-Centered Cubic Crystal Structure The different colors used for the
atoms in this figure are for clarity only. All atoms within the structure are identical.

as shown in the diagram at right. The
body-centered unit cell contains two atoms per unit cell
because the center atom is not shared with any other
neighboring cells. The coordination number of the
body-centered cubic unit cell is 8, which you can see
by examining the atom in the very center of the cube,
which touches eight atoms at the corners. The packing
efficiency is 68%, significantly higher than for the sim-
ple cubic unit cell. Each atom in this structure strongly
interacts with more atoms than each atom in the simple
cubic unit cell.

The face-centered cubic unit cell (Figure 11.47 �)
is a cube with one atom at each corner and one atom (of
the same kind) in the center of each cube face. Note

l = 4r>13

Body-centered cubic

l

b

c

c2 b2   +   l2= b2 l2   +   l2=
b2 2l2=c 4r=14r22

14r22
2l2   +   l2=
3l2=

l2 =
14r22

3

l =
4r

  3

� In the body-centered cubic lattice,
the atoms touch only along the cube
diagonal. The edge length is 4r>23.
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that in the face-centered unit cell (like the body-centered unit
cell), the atoms do not touch along each edge of the cube.
Instead, the atoms touch along the diagonal face. The edge
length in terms of the atomic radius is therefore as
shown in the figure at left. The face-centered unit cell contains
four atoms per unit cell because the center atoms on each of the
six faces are shared between two unit cells. There are

face-centered atoms plus corner
atoms, for a total of four atoms per unit cell. The coordination
number of the face-centered cubic unit cell is 12 and its packing
efficiency is 74%. In this structure, any one atom strongly inter-
acts with more atoms than in either the simple cubic unit cell or
the body-centered cubic unit cell.

1>  8 * 8 = 11>2 * 6 = 3

l = 212r,

Face-centered cubic

l

b

r

b2 l2   +   l2= =
b 4r=14r22 2l2

2l2

=

l2 =
14r22

2

l =
4r

  2
=   2r  2

� In the face-centered cubic lattice,
the atoms touch along a face diago-
nal. The edge length is 222r.

SORT You are given the radius of an aluminum atom and its
crystal structure. You are asked to find the density of solid 
aluminum.

GIVEN: face-centered cubic

FIND: d

r = 143 pm,

STRATEGIZE The conceptual plan is based on the definition
of density.

Since the unit cell has the physical properties of the entire
crystal, you can find the mass and volume of the unit cell and
use these to calculate its density.

CONCEPTUAL PLAN

 = (edge length)3
V  = volume of unit cell

 = number of atoms in unit cell * mass of each atom
m = mass of unit cell

d  = m>  V

SOLVE Begin by finding the mass of the unit cell. Obtain the
mass of an aluminum atom from its molar mass. Since the
face-centered cubic unit cell contains four atoms per unit cell,
multiply the mass of aluminum by 4 to get the mass of a 
unit cell.

Next, compute the edge length (l) of the unit cell (in m) from
the atomic radius of aluminum. For the face-centered cubic
structure, 

Compute the volume of the unit cell (in cm) by converting 
the edge length to cm and cubing the edge length. (We use
centimeters because we want to report the density in units 
of )

Finally, compute the density by dividing the mass of the unit
cell by the volume of the unit cell.

g >  cm3.

l = 222r.

SOLUTION

 = 2.71 g>  cm3

d =
m

V
=

1.792 * 10-22 g

6.618 * 10-23 cm3

 = 6.618 * 10-23 cm3

 = a4.045 * 10-10 m *
1 cm

10-2 m
b3

V = l3

 = 4.045 * 10-10 m

 = 222 (143 * 10-12 m)

 = 222 (143 pm)

l = 222r

 = 1.792 * 10-22 g

m(unit cell) = 4  atoms (4.481 * 10-23 g>atom)

 = 4.481 * 10-23 g>atom

m(Al atom) = 26.98
g

mol
*

1 mol

6.022 * 1023 atoms

EXAMPLE 11.7 Relating Density to Crystal Structure
Aluminum crystallizes with a face-centered cubic unit cell. The radius of an aluminum
atom is 143 pm. Calculate the density of solid crystalline aluminum in g>  cm3.
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CHECK The units of the answer are correct. The magnitude of the answer is reasonable
because the density is greater than (as we would expect for metals), but still not
too high (because aluminum is a low-density metal).

FOR PRACTICE 11.7
Chromium crystallizes with a body-centered cubic unit cell. The radius of a chromium
atom is 125 pm. Calculate the density of solid crystalline chromium in g>cm3.

1 g>  cm3

Layer A
Layer A

Layer B

Closest-Packed Structures
Another way to envision crystal structures, especially useful in metals where bonds are
not usually directional, is to think of the atoms as stacking in layers, much as fruit is
stacked at the grocery store. For example, the simple cubic structure can be envisioned as
one layer of atoms arranged in a square pattern with the next layer stacking directly over
the first, so that the atoms in one layer align exactly on top of the atoms in the layer be-
neath it, as shown here.

As we saw previously, this crystal structure has a great deal of empty space—only 52%
of the volume is occupied by the spheres, and the coordination number is 6.

More space-efficient packing can be achieved by aligning neighboring rows of
atoms in a pattern with one row offset from the next by one-half a sphere, as shown here.

In this way, the atoms pack more closely to each other in any one layer. We can further in-
crease the packing efficiency by placing the next layer not directly on top of the first, but
again offset so that any one atom actually sits in the indentation formed by three atoms in
the layer beneath it, as shown here:



Layer C

Layer B

Layer A

Cubic closest packing

496 Chapter  11 Liquids, Solids, and Intermolecular Forces

� FIGURE 11.48 Hexagonal Closest-
Packing Crystal Structure The unit
cell is outlined in bold.

This kind of packing leads to two different crystal structures called closest-packed struc-
tures, both of which have a packing efficiency of 74% and a coordination number of 12.
In the first of these two closest-packed structures—called hexagonal closest packing—
the third layer of atoms aligns exactly on top of the first, as shown here.

Hexagonal closest packing

Layer A

Layer A

Layer B

The pattern from one layer to the next is ABAB with the third layer aligning exactly
on top of the first. Notice that the central atom in layer B of this structure is touching 6
atoms in its own layer, 3 atoms in the layer above it, and 3 atoms in the layer below, for a
coordination number of 12. The unit cell for this crystal structure is not a cubic unit cell,
but a hexagonal one, as shown in Figure 11.48 �.

Á

In the second of the two closest-packed structures—called cubic closest packing—
the third layer of atoms is offset from the first, as shown here.

120°60°

Hexagonal Closest Packing

Unit cell

The pattern from one layer to the next is ABCABC with every fourth layer aligning
with the first. Although not simple to visualize, the unit cell for cubic closest packing is
the face-centered cubic unit cell, as shown in Figure 11.49 �. The cubic closest-packed
structure is identical to the face-centered cubic unit cell structure.

Á
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Unit cell

Cubic Closest Packed � Face-Centered Cubic � FIGURE 11.49 Cubic Closest-
Packing Crystal Structure The unit
cell of the cubic closest-packed 
structure is face-centered cubic.

11.12 Crystalline Solids: The Fundamental Types
As we learned in Section 11.2, solids may be crystalline (comprising a well-ordered array
of atoms or molecules) or amorphous (having no long-range order). We can classify crys-
talline solids into three categories—molecular, ionic, and atomic—based on the individ-
ual units that compose the solid. Atomic solids can themselves be classified into three
categories—nonbonded, metallic, and network covalent—depending on the types of in-
teractions between atoms within the solid. Figure 11.50 � shows the different categories
of crystalline solids.

Ice
Table salt

Solid xenon Gold
Quartz

(silicon dioxide)

Crystalline solids

Molecular solids

Composite units
are molecules

Low melting
points

Ionic solids

Held together by
metallic bonds

Nonbonding

Variable melting
points

Held together by
dispersion forces

High melting
points

Network Covalent

Low melting
points

Composite units
are formula units

(cations and anions)

High melting
points

Metallic

Atomic solids

Held together by
covalent bonds

Composite units
are atoms

� FIGURE 11.50 Types of Crystalline Solids
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Cl�

Na�

Sodium chloride (NaCl)

Molecular Solids
Molecular solids are those solids whose composite units are molecules. The lattice sites
in a crystalline molecular solid are therefore occupied by molecules. Ice (solid ) and
dry ice (solid ) are examples of molecular solids. Molecular solids are held together
by the kinds of intermolecular forces—dispersion forces, dipole–dipole forces, and hy-
drogen bonding—that we discussed earlier in this chapter. Molecular solids as a whole
tend to have low to moderately low melting points. However, strong intermolecular
forces (such as the hydrogen bonds in water) can increase the melting points of some
molecular solids.

Ionic Solids
Ionic solids are those solids whose composite units are ions. Table salt (NaCl) and calci-
um fluoride ( ) are good examples of ionic solids. Ionic solids are held together by
the coulombic interactions that occur between the cations and anions occupying the lat-
tice sites in the crystal. The coordination number of the unit cell for an ionic compound,
therefore, represents the number of close cation–anion interactions. Since these interac-
tions lower potential energy, the crystal structure of a particular ionic compound will be
the one that maximizes the coordination number, while accommodating both charge neu-
trality (each unit cell must be charge neutral) and the different sizes of the cations and
anions that compose the particular compound. In general, the more similar the radii of the
cation and the anion, the higher the coordination number.

Cesium chloride (CsCl) is a good example of an ionic compound with cations and
anions of similar size In the cesium chlo-
ride structure, the chloride ions occupy the lattice sites of a simple cubic cell and one
cesium ion lies in the very center of the cell, as shown in Figure 11.51 �. (In this and sub-
sequent figures of ionic crystal structures, the different colored spheres represent differ-
ent ions.) The coordination number is 8, meaning that each cesium ion is in direct contact
with eight chloride ions (and vice versa). The cesium chloride unit cell contains one chlo-
ride anion ( ) and one cesium cation for a ratio of Cs to Cl of 1:1, as the for-
mula for the compound indicates. (Note that complete chloride ions are shown in Figure
11.51 even though only 1/8 of each ion is in the unit cell.) Calcium sulfide (CaS) has the
same structure as cesium chloride.

The crystal structure of sodium chloride must accommodate the more dispropor-
tionate sizes of and If ion size were the
only consideration, the larger chloride anion could theoretically fit many of the smaller
sodium cations around it, but charge neutrality requires that each sodium cation be sur-
rounded by an equal number of chloride anions. Therefore, the coordination number is
limited by the number of chloride anions that can fit around the relatively small sodium
cation. The structure that minimizes the energy is shown in Figure 11.52 � and has a co-
ordination number of 6 (each chloride anion is surrounded by six sodium cations and
vice versa). You can visualize this structure, called the rock salt structure, as chloride
anions occupying the lattice sites of a face-centered cubic structure with the smaller
sodium cations occupying the holes between the anions. (Alternatively, you can visual-
ize this structure as the sodium cations occupying the lattice sites of a face-centered
cubic structure with the larger chloride anions occupying the spaces between the
cations.) Each unit cell contains four chloride anions and
four sodium cations resulting in a ratio of 1:1, as the formula of
the compound specifies. Other compounds exhibiting the sodium chloride structure in-
clude LiF, KCl, KBr, AgCl, MgO, and CaO.

An even greater disproportion between the sizes of the cations and anions in a com-
pound makes a coordination number of even 6 physically impossible. For example, in
ZnS ( ) the crystal structure, shown in
Figure 11.53 �, has a coordination number of only 4. You can visualize this structure, called
the zinc blende structure, as sulfide anions occupying the lattice sites of a face-centered
cubic structure with the smaller zinc cations occupying four of the eight tetrahedral holes
located directly beneath each corner atom. A tetrahedral hole is the empty space that lies
in the center of a tetrahedral arrangement of four atoms, as shown at right. Each unit cell
contains four sulfide anions and four zinc cations (each of[(8 * 1>8) + (6 * 1>2 = 4)]

S2-  radius = 184 pmZn2+  radius = 74 pm;

[(12 * 1>4) + 1 = 4],
[(8 * 1>8) + (6 * 1>2) = 4]

Cl- (radius = 181 pm).Na+ (radius = 97 pm)

8 * 1/8 =  1

(Cs+ radius = 167 pm; Cl- radius = 181 pm).

CaF2

CO2

H2O

Cl�

Cs�

Cesium chloride (CsCl)

� FIGURE 11.51 Cesium Chloride Unit
Cell The different colored spheres in
this figure represent the different ions
in the compound.

� FIGURE 11.52 Sodium Chloride Unit
Cell The different colored spheres in
this figure represent the different ions
in the compound.

S2�

Zn2�

Zinc blende (ZnS)

� FIGURE 11.53 Zinc Sulfide (Zinc
Blende) Unit Cell The different col-
ored spheres in this figure represent
the different ions in the compound.
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F�

Ca2�

Calcium fluoride (CaF2)

� FIGURE 11.54 Calcium Fluoride Unit
Cell The different colored spheres in
this figure represent the different ions
in the compound.

� A tetrahedral hole

We examine a more sophisticated
model for bonding in metals in 
Section 11.13.

� � �
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� FIGURE 11.55 The Electron Sea
Model In the electron sea model for
metals, the metal cations exist in a
“sea” of electrons.

Nickel (Ni) Zinc (Zn)

� FIGURE 11.56 Closest-
Packed Crystal Structures in
Metals Nickel crystallizes in
the cubic closest-packed struc-
ture. Zinc crystallizes in the
hexagonal closest-packed
structure.

the four zinc cations is completely contained within the unit cell), resulting in a ratio of
1:1, just as the formula of the compound indicates. Other compounds exhibiting the zinc
blende structure include CuCl, AgI, and CdS.

When the ratio of cations to anions is not 1:1, the crystal structure must accommo-
date the unequal number of cations and anions. Many compounds that contain a cation
to anion ratio of 1:2 adopt the fluorite structure shown in Figure 11.54 �. You
can visualize this structure as calcium cations occupying the lattice sites of a face-centered
cubic structure with the larger fluoride anions occupying all eight of the tetrahedral holes
located directly beneath each corner atom. Each unit cell contains four calcium cations

and eight fluoride anions (each of the eight fluoride anions
is completely contained within the unit cell), resulting in a cation to anion ratio of 1:2,
just as in the formula of the compound. Other compounds exhibiting the fluorite structure
include Compounds with a cation to anion ratio of 2:1 often
exhibit the antifluorite structure, in which the anions occupy the lattice sites of a face-
centered cubic structure and the cations occupy the tetrahedral holes beneath each
corner atom.

The forces holding ionic solids together are strong coulombic forces (or ionic
bonds), and since these forces are much stronger than the intermolecular forces discussed
previously, ionic solids tend to have much higher melting points than molecular solids.
For example, sodium chloride melts at 801 °C, while carbon disulfide ( )—a molecu-
lar solid with a higher molar mass—melts at 

Atomic Solids
Solids whose composite units are individual atoms are atomic solids. Solid xenon (Xe),
iron (Fe), and silicon dioxide are examples of atomic solids. Atomic solids can
themselves be classified into three categories—nonbonding atomic solids, metallic atom-
ic solids, and network covalent atomic solids—each held together by a different kind of
force.

Nonbonding atomic solids are held together by relatively weak dispersion forces.
In order to maximize these interactions, nonbonding atomic solids form closest-packed
structures, maximizing their coordination numbers and minimizing the distance be-
tween them. Nonbonding atomic solids have very low melting points that increase uni-
formly with molar mass. The only nonbonding atomic solids are noble gases in their
solid form. Argon, for example, has a melting point of and xenon has a melt-
ing point of 

Metallic atomic solids, such as iron or gold, are held together by metallic bonds,
which in the simplest model are represented by the interaction of metal cations with the
sea of electrons that surround them, as described in Section 9.11 (Figure 11.55 �).

Since metallic bonds are not directional, metals also tend to form closest-packed
crystal structures. For example, nickel crystallizes in the cubic closest-packed structure
and zinc crystallizes in the hexagonal closest-packed structure (Figure 11.56 �). Metallic

-112 °C.
-189 °C

(SiO2)

-110 °C.
CS2

PbF2, SrF2, and BaCl2.

[(8 * 1>8) + (6 * 1>2) = 4]

(CaF2)
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(a) Diamond (b) Graphite

� FIGURE 11.57 Network Covalent Atomic Solids (a) In diamond, each carbon atom forms four
covalent bonds to four other carbon atoms in a tetrahedral geometry. (b) In graphite, carbon atoms
are arranged in sheets. Within each sheet, the atoms are covalently bonded to one another by a net-
work of sigma and pi bonds. Neighboring sheets are held together by dispersion forces.

bonds have varying strengths. Some metals, such as mercury, have melting points below
room temperature, whereas other metals, such as iron, have relatively high melting points
(iron melts at 1809 °C).

Network covalent atomic solids, such as diamond, graphite, and silicon dioxide,
are held together by covalent bonds. The crystal structures of these solids are more re-
stricted by the geometrical constraints of the covalent bonds (which tend to be more
directional than intermolecular forces, ionic bonds, or metallic bonds) so they do not tend
to form closest-packed structures.

In diamond (Figure 11.57a �), each carbon atom forms four covalent bonds to four
other carbon atoms in a tetrahedral geometry. This structure extends throughout the entire
crystal, so that a diamond crystal can be thought of as a giant molecule, held together by
these covalent bonds. Since covalent bonds are very strong, covalent atomic solids have
high melting points. Diamond is estimated to melt at about 3800 °C. The electrons in di-
amond are confined to the covalent bonds and are not free to flow. Therefore diamond
does not conduct electricity.

In graphite (Figure 11.57b), carbon atoms are arranged in sheets. Within each sheet,
carbon atoms are covalently bonded to each other by a network of sigma and pi bonds,
similar to those in benzene. Just as the electrons within the pi bonds in benzene are delo-
calized over the entire molecule, so the pi bonds in graphite are delocalized over the en-
tire sheet, making graphite a good electrical conductor along the sheets. The bond length
between carbon atoms within a sheet is 142 pm. However, the forces between sheets are
much different. The separation between sheets is 341 pm. There are no covalent bonds
between sheets, only relatively weak dispersion forces. Consequently, the sheets slide
past each other relatively easily, which explains the slippery feel of graphite and its ex-
tensive use as a lubricant.

The silicates (extended arrays of silicon and oxygen) are the most common network
covalent atomic solids. Geologists estimate that 90% of Earth’s crust is composed of sil-
icates; we cover these in more detail in Chapter 22. The basic silicon oxygen compound
is silica which in its most common crystalline form is called quartz. The structure
of quartz consists of an array of tetrahedra with shared oxygen atoms, as shown in
Figure 11.58a �. The strong silicon–oxygen covalent bonds that hold quartz together re-
sult in its high melting point of about 1600 °C. Common glass is also composed of 
but in its amorphous form (Figure 11.58b).

SiO2,

SiO4

(SiO2),

Sigma and pi bonds were discussed in
Section 10.7.
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(a) (b)

� FIGURE 11.58 The Structure of Quartz (a) Quartz consists of an array of tetrahedra with
shared oxygen atoms. (b) Glass is amorphous SiO2.

SiO4

11.13 Crystalline Solids: Band Theory
In Section 9.11, we explored a model for bonding in metals called the electron sea
model. We now turn to a model for bonding in solids that is both more sophisticated and
more broadly applicable—it applies to both metallic solids and covalent solids. The
model is called band theory and it grows out of molecular orbital theory, first covered
in Section 10.8.

Recall that in molecular orbital theory, we combine the atomic orbitals of the atoms
within a molecule to form molecular orbitals. These molecular orbitals are not localized
on individual atoms, but delocalized over the entire molecule. Similarly, in band theory,
we combine the atomic orbitals of the atoms within a solid crystal to form orbitals that
are not localized on individual atoms, but delocalized over the entire crystal. In some
sense then, the crystal is like a very large molecule, and its valence electrons occupy the
molecular orbitals formed from the atomic orbitals of each atom in the crystal.

Consider a series of molecules constructed from individual lithium atoms. The ener-
gy levels of the atomic orbitals and resulting molecular orbitals for 

(where N is a large number on the order of ) are shown in Figure 11.59 �.
The lithium atom has a single electron in a single atomic orbital. The molecule
contains two electrons and two molecular orbitals. The electrons occupy the lower energy
bonding orbital—the higher energy, or antibonding, molecular orbital is empty. The 
molecule contains four electrons and four molecular orbitals. The electrons occupy the
two bonding molecular orbitals—the two antibonding orbitals are completely empty.

The molecule contains N electrons and N molecular orbitals. However, because
there are so many molecular orbitals, the energy spacings between them are infinitesimal-
ly small; they are no longer discrete energy levels, but rather form a band of energy lev-
els. One half of the orbitals in the band ( ) are bonding molecular orbitals and (at 0 K)
contain the N valence electrons. The other molecular orbitals are antibonding andN>2N>2

LiN

Li4

Li22s
1023Li4 and LiN

Li, Li2, Li3,

E
n

er
gy

LiNLi Li3 Li4

Empty orbitals
(conduction band)

Occupied orbitals
(valence band)

Band

Li2

� FIGURE 11.59 Energy Levels of Mo-
lecular Orbitals in Lithium Molecules
When many Li atoms are present, the
energy levels of the molecular orbitals
are so closely spaced that they fuse to
form a band. Half of the orbitals are
bonding orbitals and contain valence
electrons; the other half are antibond-
ing orbitals and are empty.
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Conductor Semiconductor Insulator

Conduction band Conduction band Conduction band

Valence band Valence band
Valence band

Small energy gap Large energy gapNo energy gap
� FIGURE 11.60 Band Gap In a con-
ductor, there is no energy gap between
the valence band and the conduction
band. In semiconductors there is a
small energy gap, and in insulators
there is a large energy gap.

(at 0 K) are completely empty. If the atoms composing a solid have p orbitals available,
then the same process leads to another band of orbitals at higher energies.

In band theory, electrons become mobile when they make a transition from the high-
est occupied molecular orbital into higher energy empty molecular orbitals. For this rea-
son, we call the occupied molecular orbitals the valence band and the unoccupied orbitals
the conduction band. In lithium metal, the highest occupied molecular orbital lies in the
middle of a band of orbitals, and the energy difference between it and the next higher en-
ergy orbital is infinitesimally small. Therefore, above 0 K, electrons can easily make the
transition from the valence band to the conduction band. Since electrons in the conduc-
tion band are mobile, lithium, like all metals, is a good electrical conductor. Mobile elec-
trons in the conduction band are also responsible for the thermal conductivity of metals.
When a metal is heated, electrons are excited to higher energy molecular orbitals. These
electrons can then quickly transport the thermal energy throughout the crystal lattice.

In metals, the valence band and conduction band are energetically continuous—the
energy difference between the top of the valence band and the bottom of the conduction
band is infinitesimally small. In semiconductors and insulators, however, an energy gap,
called the band gap, exists between the valence band and conduction band as shown in
Figure 11.60 �. In insulators, the band gap is large, and electrons are not promoted into
the conduction band at ordinary temperatures, resulting in no electrical conductivity. In
semiconductors, the band gap is small, allowing some electrons to be promoted at ordi-
nary temperatures and resulting in limited conductivity. However, the conductivity of
semiconductors can be increased in a controlled way by adding minute amounts of other
substances, called dopants, to the semiconductor.

Doping: Controlling the Conductivity of Semiconductors
Doped semiconductors contain minute amounts of impurities that result in additional
electrons in the conduction band or electron “holes” in the valence band. For example,
silicon is a group 4A semiconductor. Its valence electrons just fill its valence band. The
band gap in silicon is large enough that only a few electrons are promoted into the con-
duction band at room temperature; therefore silicon is a poor electrical conductor. How-
ever, silicon can be doped with phosphorus, a group 5A element with five valence
electrons, to increase its conductivity. The phosphorus atoms are incorporated into the
silicon crystal structure and each phosphorus atom brings with it one additional electron.
Since the valence band is completely full, the additional electrons must go into the con-
duction band. These electrons are then mobile and can conduct electrical current. This
type of semiconductor is called an n-type semiconductor because the charge carriers are
negatively charged electrons in the conduction band.

Silicon can also be doped with a group 3A element, such as gallium, which has only
three valence electrons. When gallium is incorporated into the silicon crystal structure, it
results in electron “holes,” or empty molecular orbitals, in the valence band. The pres-
ence of holes also allows for the movement of electrical current because electrons in the
valence band can move between holes. In this way, the holes move in the opposite direc-
tion as the electrons. This type of semiconductor is called a p-type semiconductor be-
cause each hole acts as a positive charge.

The heart of most modern electronic devices are silicon chips containing millions of
p–n junctions, tiny spots that are p-type on one side and n-type on the other. These junc-
tions can serve a number of functions including acting as diodes (circuit elements that
allow the flow of electrical current in only one direction) or amplifiers (elements that am-
plify a small electrical current into a larger one).
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Key Concepts
Solids, Liquids, and Intermolecular 
Forces (11.1, 11.2, 11.3)
Intermolecular forces hold molecules or atoms together in a liquid or
solid. The strength of the intermolecular forces in a substance deter-
mines its state. Dispersion forces are always present because they re-
sult from the fluctuations in electron distribution within atoms and
molecules. These are the weakest intermolecular forces, but they are
significant in molecules with high molar masses. Dipole–dipole
forces, generally stronger than dispersion forces, are present in all
polar molecules. Hydrogen bonding occurs in polar molecules that
contain hydrogen atoms bonded directly to fluorine, oxygen, or ni-
trogen. These are the strongest intermolecular forces. Ion–dipole
forces occur when ionic compounds are mixed with polar com-
pounds, and they are especially important in aqueous solutions.

Surface Tension, Viscosity, and Capillary Action (11.4)
Surface tension results from the tendency of liquids to minimize
their surface area in order to maximize the interactions between their
constituent particles, thus lowering their potential energy. Surface
tension causes water droplets to form spheres and allows insects and
paper clips to “float” on the surface of water. Viscosity is the resist-
ance of a liquid to flow. Viscosity increases with increasing strength
of intermolecular forces and decreases with increasing temperature.
Capillary action is the ability of a liquid to flow against gravity up a
narrow tube. It is the result of adhesive forces, the attraction between
the molecules and the surface of the tube, and cohesive forces, the at-
traction between the molecules in the liquid.

Vaporization and Vapor Pressure (11.5, 11.7)
Vaporization, the transition from liquid to gas, occurs when thermal
energy overcomes the intermolecular forces present in a liquid. The
opposite process is condensation. Vaporization is endothermic and
condensation is exothermic. The rate of vaporization increases with

increasing temperature, increasing surface area, and decreasing
strength of intermolecular forces. The heat of vaporization ( ) is
the heat required to vaporize one mole of a liquid. In a sealed contain-
er, a solution and its vapor will come into dynamic equilibrium, at
which point the rate of vaporization equals the rate of condensation.
The pressure of a gas that is in dynamic equilibrium with its liquid is
its vapor pressure. The vapor pressure of a substance increases with
increasing temperature and with decreasing strength of its intermole-
cular forces. The boiling point of a liquid is the temperature at which its
vapor pressure equals the external pressure. The Clausius–Clapeyron
equation expresses the relationship between the vapor pressure of a
substance and its temperature and can be used to calculate the heat of
vaporization from experimental measurements. When a liquid is heat-
ed in a sealed container it eventually forms a supercritical fluid,
which has properties intermediate between a liquid and a gas. This
occurs at the critical temperature and critical pressure.

Fusion and Sublimation (11.6, 11.7)
Sublimation is the transition from solid to gas. The opposite process
is deposition. Fusion, or melting, is the transition from solid to liq-
uid. The opposite process is freezing. The heat of fusion ( ) is
the amount of heat required to melt one mole of a solid. Fusion is en-
dothermic. The heat of fusion is generally less than the heat of vapor-
ization because intermolecular forces do not have to be completely
overcome for melting to occur.

Phase Diagrams (11.8)
A phase diagram is a map of the states of a substance as a function of
its pressure (y-axis) and temperature (x-axis). The regions in a phase
diagram represent conditions under which a single stable state (solid,
liquid, gas) exists. The lines represent conditions under which two
states are in equilibrium. The triple point represents the conditions
under which all three states coexist. The critical point is the temper-
ature and pressure above which a supercritical fluid exists.

¢Hfus

¢Hvap
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Key Equations and Relationships
Clausius–Clapeyron Equation: Relationship between Vapor Pressure
( ), the Heat of Vaporization ( ), and Temperature (T) (11.5)

ln 
P2

P1
=

- ¢Hvap

R
c 1

T2
-

1

T1
d

ln Pvap =
- ¢Hvap

RT
+ ln b (b is a constant)

H vapP vap

Bragg’s Law: Relationship between Light Wavelength ( ), Angle of
Reflection ( ), and Distance (d) between the Atomic Layers (11.10)

nl = 2d sin u (n = integer)

u

l

Key Skills
Determining Whether a Molecule Has Dipole–Dipole Forces (11.3)

• Example 11.1 • For Practice 11.1 • Exercises 49–60

Determining Whether a Molecule Displays Hydrogen Bonding (11.3)
• Example 11.2 • For Practice 11.2 • Exercises 49–60

Using the Heat of Vaporization in Calculations (11.5)
• Example 11.3 • For Practice 11.3 • For More Practice 11.3 • Exercises 71–74

Using the Clausius–Clapeyron Equation (11.5)
• Examples 11.4, 11.5 • For Practice 11.4, 11.5 • Exercises 75–78

Using Bragg’s Law in X-Ray Diffraction Calculations (11.10)
• Example 11.6 • For Practice 11.6 • Exercises 95, 96

Relating Density to Crystal Structure (11.11)
• Example 11.7 • For Practice 11.7 • Exercises 99–102

EXERCISES

Review Questions
1. Explain why a gecko is able to walk on a polished glass surface.

2. Why are intermolecular forces important?

3. What are the main properties of liquids (in contrast to gases and
solids)?

4. What are the main properties of solids (in contrast to liquids and
gases)?

5. What is the fundamental difference between an amorphous
solid and a crystalline solid?

6. What factors cause changes between the solid and liquid state?
The liquid and gas state?

7. Describe the relationship between the state of a substance, its
temperature, and the strength of its intermolecular forces.

8. From what kinds of interactions do intermolecular forces 
originate?

9. Why are intermolecular forces generally much weaker than
bonding forces?

10. What is the dispersion force? What does the magnitude of the
dispersion force depend on? How can you predict the magni-
tude of the dispersion force for closely related elements or
compounds?

The Uniqueness of Water (11.9)
Water is a liquid at room temperature despite its low molar mass.
Water forms strong hydrogen bonds, resulting in its high boiling
point. Its high polarity also enables it to dissolve many polar and
ionic compounds, and even nonpolar gases. Water expands upon
freezing, so that ice is less dense than liquid water. Water is critical
both to the existence of life and to human health.

Crystalline Structures (11.10–11.13)
In X-ray crystallography, the diffraction pattern of X-rays is used to
determine the crystal structure of solids. The crystal lattice is repre-

sented by a unit cell, a structure that reproduces the entire lattice when
repeated in all three dimensions. Three basic cubic unit cells are the
simple cubic, the body-centered cubic, and the face-centered cubic.
Some crystal lattices can also be depicted as closest-packed structures,
including the hexagonal closest-packing structure (not cubic) and the
cubic closest-packing structure (which has a face-centered cubic unit
cell). The types of crystal solids are molecular, ionic, and atomic
solids. Atomic solids can be divided into three different types: non-
bonded, metallic, and covalent. Band theory is a model for bonding
in solids in which the atomic orbitals of the atoms are combined and
delocalized over the entire crystal solid.
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11. What is the dipole–dipole force? How can you predict the pres-
ence of dipole–dipole forces in a compound?

12. How is the miscibility of two liquids related to their polarity?

13. What is hydrogen bonding? How can you predict the presence
of hydrogen bonding in a compound?

14. What is the ion–dipole force? Why is it important?

15. What is surface tension? How does surface tension result from
intermolecular forces? How is it related to the strength of inter-
molecular forces?

16. What is viscosity? How does viscosity depend on intermolecu-
lar forces? What other factors affect viscosity?

17. What is capillary action? How does it depend on the relative
strengths of adhesive and cohesive forces?

18. Explain what happens in the processes of vaporization and con-
densation. Why does the rate of vaporization increase with in-
creasing temperature and surface area?

19. Why is vaporization endothermic? Why is condensation
exothermic?

20. How is the volatility of a substance related to the intermolecular
forces present within the substance?

21. What is the heat of vaporization for a liquid and why is it useful?

22. Explain the process of dynamic equilibrium. How is dynamic
equilibrium related to vapor pressure?

23. What happens to a system in dynamic equilibrium when it is
disturbed in some way?

24. How is vapor pressure related to temperature? What happens to
the vapor pressure of a substance when the temperature is in-
creased? Decreased?

25. Define the terms boiling point and normal boiling point.

26. What is the Clausius–Clapeyron equation and why is it
important?

27. Explain what happens to a substance when it is heated in a
closed container to its critical temperature.

28. What is sublimation? Give a common example of sublimation.

29. What is fusion? Is fusion exothermic or endothermic? Why?

30. What is the heat of fusion and why is it important?

31. Examine the heating curve for water in Section 11.7 (Figure
11.36). Explain why the curve has two segments in which heat
is added to the water but the temperature does not rise.

32. Examine the heating curve for water in Section 11.7 (Figure
11.36). Explain the significance of the slopes of each of the
three rising segments. Why are the slopes different?

33. What is a phase diagram? Draw a generic phase diagram and
label its important features.

34. What is the significance of crossing a line in a phase diagram?

35. How do the properties of water differ from those of most other
substances?

36. Explain the basic principles involved in X-ray crystallography.
Include Bragg’s law in your explanation.

37. What is a crystalline lattice? How is the lattice represented with
the unit cell?

38. Make a drawing of each unit cell: simple cubic, body-centered
cubic, and face-centered cubic.

39. For each of the cubic cells in the previous problem, give the co-
ordination number, edge length in terms of r, and number of
atoms per unit cell.

40. What is the difference between hexagonal closest packing and
cubic closest packing? What are the unit cells for each of these
structures?

41. What are the three basic types of solids and the composite units
of each? What types of forces hold each type of solid together?

42. In an ionic compound, how are the relative sizes of the cation
and anion related to the coordination number of the crystal
structure?

43. Show how the cesium chloride, sodium chloride, and zinc
blende unit cells each contain a cation-to-anion ratio of 1:1.

44. Show how the fluorite structure accommodates a cation-to-
anion ratio of 1:2.

45. What are the three basic subtypes of atomic solids? What kinds
of forces hold each of these subtypes together?

46. In band theory of bonding for solids, what is a band? What is the
difference between the valence band and the conduction band?

47. What is a band gap? How does the band gap differ in metals,
semiconductors, and insulators?

48. Explain how doping can increase the conductivity of a semicon-
ductor. What is the difference between an n-type semiconductor
and a p-type semiconductor?

Problems by Topic
Intermolecular Forces
49. Determine the kinds of intermolecular forces that are present in

each element or compound:
a. b. c. CO d.

50. Determine the kinds of intermolecular forces that are present in
each element or compound:
a. Kr b. c. d. HF

51. Determine the kinds of intermolecular forces that are present in
each element or compound:
a. HCl b. c. d. He

52. Determine the kinds of intermolecular forces that are present in
each element or compound:
a. b. HBr c. d. I2CH3OHPH3

Br2H2O

SiH4NCl3

CCl4NH3N2

53. Arrange these compounds in order of increasing boiling point.
Explain your reasoning.
a. b.
c. d.

54. Arrange these compounds in order of increasing boiling point.
Explain your reasoning.
a. b. c.

55. For each pair of compounds, pick the one with the highest boil-
ing point. Explain your reasoning.
a. b.
c.

56. For each pair of compounds, pick the one with the higher boil-
ing point. Explain your reasoning.
a. b. c. CO2 or NO2CS2 or CO2NH3 or CH4

CH4 or CH3CH3

CH3OCH3 or CH3CH2OHCH3OH or CH3SH

H2OH2SeH2S

CH3CH2OHCH3CH2Cl
CH3CH3CH4
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(a) (b)

65. Water in a glass tube that con-
tains grease or oil residue dis-
plays a flat meniscus (left);
whereas water in a clean glass
tube displays a concave
meniscus (right). Explain this
difference.

66. When a thin glass tube is put
into water, the water rises 1.4
cm. When the same tube is put
into hexane, the hexane rises
only 0.4 cm. Explain the difference.

Vaporization and Vapor Pressure
67. Which will evaporate more quickly: 55 mL of water in a beaker

with a diameter of 4.5 cm, or 55 mL of water in a dish with a di-
ameter of 12 cm? Will the vapor pressure of the water be differ-
ent in the two containers? Explain.

68. Which will evaporate more quickly: 55 mL of water in a
beaker or 55 mL of acetone in an identical beaker
under identical conditions? Is the vapor pressure of the two sub-
stances different? Explain.

69. Spilling room-temperature water over your skin on a hot day
will cool you down. Spilling room-temperature vegetable oil
over your skin on a hot day will not. Explain the difference.

70. Why is the heat of vaporization of water greater at room tem-
perature than it is at its boiling point?

71. The human body obtains 915 kJ of energy from a candy bar. If
this energy were used to vaporize water at 100.0 how much
water (in liters) could be vaporized? (Assume the density of
water is )

72. A 100.0-mL sample of water is heated to its boiling point. How
much heat (in kJ) is required to vaporize it? (Assume a density
of )

73. Suppose that 0.95 g of water condenses on a 75.0-g block of
iron that is initially at If the heat released during conden-
sation goes only to warming the iron block, what is the final
temperature (in ) of the iron block? (Assume a constant en-
thalpy of vaporization for water of 

74. Suppose that 1.15 g of rubbing alcohol ( ) evaporates
from a 65.0-g aluminum block. If the aluminum block is initial-
ly at what is the final temperature of the block after the
evaporation of the alcohol? Assume that the heat required for
the vaporization of the alcohol comes only from the aluminum
block and that the alcohol vaporizes at 

75. This table displays the vapor pressure of ammonia at several
different temperatures. Use the data to determine the heat of va-
porization and normal boiling point of ammonia.

25 °C.

25 °C,

C3H8O

44.0 kJ >  mol.)
°C

22 °C.

1.00 g >  mL.

1.00 g >  mL.

°C,

[(CH3)2CO]
(H2O)

Temperature (K) Pressure (torr)

200 65.3

210 134.3

220 255.7

230 456.0

235 597.0

57. For each pair of compounds, pick the one with the higher vapor
pressure at a given temperature. Explain your reasoning.
a. b. c.

58. For each pair of compounds, pick the one with the higher vapor
pressure at a given temperature. Explain your reasoning.
a.
b.
c.

59. Which pairs of substances would you expect to form homoge-
neous solutions when combined? For those that form homoge-
neous solutions, indicate the type of forces that are involved.
a. b.
c. d.

60. Which pairs of compounds would you expect to form homoge-
neous solutions when combined? For those that form homoge-
neous solutions, indicate the type of forces that are involved.
a.
b.
c.
d.

Surface Tension, Viscosity, and Capillary Action
61. Which compound would you expect to have greater surface ten-

sion, acetone or water Explain.

62. Water (a) “wets” some surfaces and beads up on others. Mer-
cury (b), in contrast, beads up on almost all surfaces. Explain
this difference.

(H2O)?[(CH3)2CO]

CH3OH and CH3CH2CH2CH2CH3

LiNO3 and H2O
CBr4 and H2O
CH3CH2CH2CH2CH3 and CH3CH2CH2CH2CH2CH3

CH3CH2OH and H2OBr2 and CCl4

KCl and H2OCCl4 and H2O

CH3OH or H2CO
CH3CH2CH2OH or CH3OH
CH4 or CH3Cl

NH3 or PH3H2S or H2OBr2 or I2

63. The structures of two isomers of heptane are shown here.
Which of these two compounds would you expect to have the
greater viscosity?

Compound A

Compound B

64. Explain why the viscosity of multigrade motor oils is less tem-
perature dependent than that of single-grade motor oils.
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76. This table displays the vapor pressure of nitrogen at several dif-
ferent temperatures. Use the data to determine the heat of va-
porization and normal boiling point of nitrogen.

Temperature (K) Pressure (torr)

65 130.5

70 289.5

75 570.8

80 1028

85 1718

77. Ethanol has a heat of vaporization of and a nor-
mal boiling point of What is the vapor pressure of
ethanol at 

78. Benzene has a heat of vaporization of and a nor-
mal boiling point of At what temperature does benzene
boil when the external pressure is 445 torr?

Sublimation and Fusion
79. How much energy is released when 65.8 g of water freezes?
80. Calculate the amount of heat required to completely sublime

50.0 g of solid dry ice ( ) at its sublimation temperature. The
heat of sublimation for carbon dioxide is 

81. An 8.5-g ice cube is placed into 255 g of water. Calculate the
temperature change in the water upon the complete melting of
the ice. Assume that all of the energy required to melt the ice
comes from the water.

82. How much ice (in grams) would have to melt to lower the tem-
perature of 352 mL of water from to (Assume the
density of water is )

83. How much heat (in kJ) is required to warm 10.0 g of ice, initial-
ly at to steam at The heat capacity of ice is

and that of steam is 
84. How much heat (in kJ) is evolved in converting 1.00 mol of

steam at to ice at The heat capacity of steam
is and of ice is 

Phase Diagrams
85. Consider the phase diagram shown here. Identify the states

present at points a through g.

2.09 J>g # °C.2.01 J>g # °C
-50.0 °C?145.0 °C

2.01 J>g # °C.2.09 J>g # °C
110.0 °C?-10.0 °C,

1.0 g >  mL.
5 °C?25 °C

32.3 kJ >  mol.
CO2

80.1 °C.
30.72 kJ >  mol

15 °C?
78.4 °C.

38.56 kJ >  mol
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96� C, 0.0043 mmHg

119� C, 0.027 mmHg

Vapor

86. Consider the phase diagram for iodine shown here and answer
each of the following questions.
a. What is the normal boiling point for iodine?
b. What is the melting point for iodine at 1 atm?
c. What state is present at room temperature and normal 

atmospheric pressure?
d. What state is present at and 1.0 atm?186 °C

87. Nitrogen has a normal boiling point of 77.3 K and a melting
point (at 1 atm) of 63.1 K. Its critical temperature is 126.2 K
and critical pressure is It has a triple point at
63.1 K and 94.0 torr. Sketch the phase diagram for nitrogen.
Does nitrogen have a stable liquid state at 1 atm?

88. Argon has a normal boiling point of 87.2 K and a melting point
(at 1 atm) of 84.1 K. Its critical temperature is 150.8 K and crit-
ical pressure is 48.3 atm. It has a triple point at 83.7 K and 0.68
atm. Sketch the phase diagram for argon. Which has the greater
density, solid argon or liquid argon?

89. The phase diagram for sulfur is shown below. The rhombic and
monoclinic states are two solid states with different structures.
a. Below what pressure will solid sulfur sublime?
b. Which of the two solid states of sulfur is most dense?

2.55 * 104 torr.

90. The high-pressure phase diagram of ice is shown here. Notice
that, under high pressure, ice can exist in several different solid
forms. What three forms of ice are present at the triple point
marked O? What is the density of ice II compared to ice I (the
familiar form of ice). Would ice III sink or float in liquid water?

Temperature (not to scale)
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1 atm
Ice I Liquid water

Gaseous
water

Ice II Ice
III
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Ice VI

Ice VII
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The Uniqueness of Water
91. Water has a high boiling point for its relatively low molar mass.

Why?

92. Water is a good solvent for many substances. What is the mo-
lecular basis for this property and why is it significant?

93. Explain the role of water in moderating Earth’s climate.

94. How is the density of solid water compared to that of liquid
water atypical among substances? Why is this significant?

Types of Solids and Their Structures
95. An X-ray beam with incident on the surface of a

crystal produced a maximum reflection at an angle of
Assuming calculate the separation between

layers of atoms in the crystal.

96. An X-ray beam of unknown wavelength is diffracted from a
NaCl surface. If the interplanar distance in the crystal is 286
pm, and the angle of maximum reflection is found to be 
what is the wavelength of the X-ray beam? (Assume )

97. Determine the number of atoms per unit cell for each metal.

n = 1.
7.23°,

n = 1,u = 28.3°.

l = 154 pm

(c) Chromium

(a) Gold

(b) Ruthenium

98. Determine the coordination number for each structure.

99. Platinum crystallizes with the face-centered cubic unit cell. The
radius of a platinum atom is 139 pm. Calculate the edge length
of the unit cell and the density of platinum in 

100. Molybdenum crystallizes with the body-centered unit cell. The
radius of a molybdenum atom is 136 pm. Calculate the edge
length of the unit cell and the density of molybdenum.

101. Rhodium has a density of and crystallizes with the
face-centered cubic unit cell. Calculate the radius of a rhodium
atom.

102. Barium has a density of and crystallizes with the
body-centered cubic unit cell. Calculate the radius of a barium
atom.

103. Polonium crystallizes with a simple cubic structure. It has a
density of a radius of 167 pm, and a molar mass of

Use this data to estimate Avogadro’s number (the
number of atoms in one mole).

104. Palladium crystallizes with a face-centered cubic structure. It
has a density of a radius of 138 pm, and a molar
mass of Use this data to estimate Avogadro’s
number.

105. Identify each solid as molecular, ionic, or atomic.
a. Ar(s) b. c. d. Fe(s)

106. Identify each solid as molecular, ionic, or atomic.
a. b. c. Ni(s) d.

107. Which solid has the highest melting point? Why?

108. Which solid has the highest melting point? Why?

109. In each pair of solids, which one has the higher melting point
and why?
a. or HOOH(s) b. or 
c. Kr(s) or Xe(s) d. NaCl(s) or CaO(s)

110. In each pair of solids, which one has the higher melting point
and why?
a. Fe(s) or b. KCl(s) or HCl(s)
c. Ti(s) or Ne(s) d. or 

111. An oxide of titanium crystallizes with the unit cell shown here
What is the formula of the

oxide?
(titanium = gray; oxygen = red).

H2S(s)H2O(s)
CCl4(s)

SiCl4(s)CCl4(s)TiO2(s)

C(s, diamond), Kr(s), NaCl(s), H2O(s)

Ar(s), CCl4(s), LiCl(s), CH3OH(s)

I2(s)CO2(s)CaCl2(s)

K2O(s)H2O(s)

106.42 g >  mol.
12.0 g >  cm3,

209 g >  mol.
9.3 g >  cm3,

3.59 g >  cm3

12.41 g >  cm3

g >  cm3.

(a) Polonium (b) Tungsten

(c) Nickel
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112. An oxide of rhenium crystallizes with the unit cell shown here
What is the formula of the

oxide?
(rhenium = gray; oxygen = red).

113. The unit cells for cesium chloride and barium(II) chloride are
shown below. Show that the ratio of cations to anions in each
unit cell corresponds to the ratio of cations to anions in the for-
mula of each compound.

Cesium chloride Barium(II) chloride

Cl

Cs

Cl

Ba

114. The unit cells for lithium oxide and silver iodide are shown
here. Show that the ratio of cations to anions in each unit cell
corresponds to the ratio of cations to anions in the formula of
each compound.

Li
O

Ag
I

Lithium oxide Silver iodide

Band Theory
115. Which solid would you expect to have little or no band gap?

a. Zn(s) b. Si(s) c. As(s)

116. How many molecular orbitals are present in the valence band of
a sodium crystal with a mass of 5.45 g?

117. Indicate whether each solid would form an n-type or a p-type
semiconductor.
a. germanium doped with gallium
b. silicon doped with arsenic

118. Indicate whether each solid would form an n-type or a p-type
semiconductor.
a. silicon doped with gallium
b. germanium doped with antimony

Cumulative Problems
119. Explain the observed trend in the melting points of the hydro-

gen halides.

HI
HBr
HCl
HF

120. Explain the observed trend in the boiling points of these com-
pounds.

121. The vapor pressure of water at is 23.76 torr. If 1.25 g of
water is enclosed in a 1.5-L container, will any liquid be pres-
ent? If so, what mass of liquid?

122. The vapor pressure of at 300 K is 856 torr. If 11.5 g of
is enclosed in a 1.0-L container, will any liquid be pres-

ent? If so, what mass of liquid?

123. Examine the phase diagram for iodine shown in Figure
11.39(a). What state transitions occur as you uniformly increase
the pressure on a gaseous sample of iodine from 0.010 atm at

to 100 atm at Make a graph, analogous to the
heating curve for water shown in Figure 11.36, in which you
plot pressure versus time during the pressure increase.

185 °C?185 °C

CCl3F
CCl3F

25 °C

-100 °CH2O
-60.7 °CH2S
-41.5 °CH2Se

-2 °CH2Te

-83.1 °C
-114.8 °C
-88.5 °C
-50.8 °C

124. Carbon tetrachloride displays a triple point at 249.0 K and a
melting point (at 1 atm) of 250.3 K. Which state of carbon tetra-
chloride is more dense, the solid or the liquid? Explain.

125. Four ice cubes at exactly with a total mass of 53.5 g are
combined with 115 g of water at in an insulated contain-
er. If no heat is lost to the surroundings, what will be the final
temperature of the mixture?

126. A sample of steam with a mass of 0.552 g and at a temperature
of condenses into an insulated container holding 4.25 g
of water at Assuming that no heat is lost to the sur-
roundings, what will be the final temperature of the mixture?

127. Air conditioners not only cool air, but dry it as well. Suppose
that a room in a home measures If
the outdoor temperature is and the vapor pressure of water
in the air is 85% of the vapor pressure of water at this tempera-
ture, what mass of water must be removed from the air each
time the volume of air in the room is cycled through the air con-
ditioner? The vapor pressure for water at is 31.8 torr.

128. A sealed flask contains 0.55 g of water at The vapor
pressure of water at this temperature is 28.36 mmHg. What is
the minimum volume of the flask in order that no liquid water
be present in the flask?

129. Silver iodide crystallizes in the zinc blende structure. The sepa-
ration between nearest neighbor cations and anions is approxi-
mately 325 pm and the melting point is Cesium558 °C.

28 °C.

30 °C

30 °C
6.0 m * 10.0 m * 2.2 m.

5.0 °C.
100 °C

75 °C
0 °C
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Challenge Problems
139. Potassium chloride crystallizes in the rock salt structure. Esti-

mate the density of potassium chloride using the ionic radii
given in Chapter 8.

140. Butane ( ) has a heat of vaporization of and
a normal boiling point of A 250-mL sealed flask con-
tains 0.55 g of butane at How much butane is present
as a liquid? If the butane is warmed to how much is pres-
ent as a liquid?

141. Liquid nitrogen can be used as a cryogenic substance to obtain
low temperatures. Under atmospheric pressure, liquid nitrogen
boils at 77 K, allowing low temperatures to be reached. However,
if the nitrogen is placed in a sealed, insulated container connect-
ed to a vacuum pump, even lower temperatures can be reached.
Why? If the vacuum pump has sufficient capacity, and is left on
for an extended period of time, the liquid nitrogen will start to
freeze. Explain.

142. Calculate the fraction of empty space in cubic closest packing
to five significant figures.

25 °C,
-22 °C.
-0.4 °C.

22.44 kJ >  molC4H10

143. A tetrahedral site in a closest-packed lattice is formed by four
spheres at the corners of a regular tetrahedron. This is equiva-
lent to placing the spheres at alternate corners of a cube. In such
a closest-packed arrangement the spheres are in contact and if
the spheres have a radius r, the diagonal of the face of the cube
is The tetrahedral hole is inside the middle of the cube. Find
the length of the body diagonal of this cube and then find the ra-
dius of the tetrahedral hole.

144. Given that the heat of fusion of water is that the
heat capacity of is and that the heat ca-
pacity of is calculate the heat of fusion
of water at 

145. The heat of combustion of CH4 is 890.4 kJ/mol and the heat ca-
pacity of H2O is Find the volume of methane
measured at 298 K and 1.00 atm required to convert 1.00 L of
water at 298 K to water vapor at 373 K.

146. Two liquids, A and B, have vapor pressures at a given tempera-
ture of 24 mmHg and 36 mmHg, respectively. We prepare solu-

75.2 J>mol # K.

-10 °C.
37.7 J>mol # K,H2O(s)

75.2 J>mol # KH2O(l)
-6.02 kJ >  mol,

2r.

c
l

c

b

l

chloride, by contrast, crystallizes in the cesium chloride struc-
ture shown in Figure 11.51. Even though the separation be-
tween nearest neighbor cations and anions is greater (348 pm),
the melting point is higher ( ). Explain.

130. Copper iodide crystallizes in the zinc blende structure. The sep-
aration between nearest neighbor cations and anions is approxi-
mately 311 pm and the melting point is Potassium chloride,
by contrast, crystallizes in the rock salt structure. Even though
the separation between nearest neighbor cations and anions is
greater (319 pm), the melting point is higher ( ). Explain.

131. Consider the face-centered cubic structure shown here:

776 °C

606 °C.

645 °C

a. What is the length of the line (labeled c) that runs from one
corner of the cube diagonally through the center of the cube
to the other corner in terms of r (the atomic radius)?

b. Use the Pythagorean theorem to derive an expression for the
length of the line (labeled b) that runs diagonally across one
of the faces of the cube in terms of the edge length (l).

c. Use the answer to parts (a) and (b) along with the Pythagore-
an theorem to derive the expression for the edge length (l) in
terms of r.

133. The unit cell in a crystal of diamond belongs to a crystal system
different from any we have discussed. The volume of a unit cell
of diamond is and the density of diamond is

Find the number of carbon atoms in a unit cell of
diamond.

134. The density of an unknown metal is and its atomic
radius is 0.134 nm. It has a face-centered cubic lattice. Find the
atomic mass of this metal.

135. Based on the phase diagram of shown in Figure 11.39(b),
describe the state changes that occur when the temperature of

is increased from 190 K to 350 K at a constant pressure of
(a) 1 atm, (b) 5.1 atm, (c) 10 atm, (d) 100 atm.

136. Consider a planet where the pressure of the atmosphere at sea
level is 2500 mmHg. Will water behave in a way that can sus-
tain life on the planet?

137. An unknown metal is found to have a density of 7.8748 g/cm3

and to crystallize in a body-centered cubic lattice. The edge of
the unit cell is found to be 0.28664 nm. Calculate the atomic
mass of the metal.

138. When spheres of radius r are packed in a body-centered cubic
arrangement, they occupy 68.0% of the available volume. Use
the fraction of occupied volume to calculate the value of a, the
length of the edge of the cube in terms of r.

CO2

CO2

12.3 g >  cm3

3.52 g >  cm3.
0.0454 nm3

a. What is the length of the line (labeled c) that runs diagonal-
ly across one of the faces of the cube in terms of r (the atom-
ic radius)?

b. Use the answer to part a and the Pythagorean theorem to de-
rive the expression for the edge length (l) in terms of r.

132. Consider the body-centered cubic structure shown here:
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tions of A and B at a given temperature and measure the total
pressures above the solutions. We obtain the following data:

147. Three 1.0-L flasks, maintained at 308 K, are connected to each
other with stopcocks. Initially the stopcocks are closed. One of
the flasks contains 1.0 atm of N2, the second 2.0 g of H2O, and
the third, 0.50 g of ethanol, C2H6O. The vapor pressure of H2O
at 308 K is 42 mmHg and that of ethanol is 102 mmHg. The
stopcocks are then opened and the contents mix freely. What is
the pressure?

Solution Amt A (mol) Amt B (mol) P (mmHg)

1 1 1 30

2 2 1 28

3 1 2 32

4 1 3 33

Conceptual Problems
148. One prediction of global warming is the melting of global ice,

which may result in coastal flooding. A criticism of this predic-
tion is that the melting of icebergs does not increase ocean lev-
els any more than the melting of ice in a glass of water increases
the level of liquid in the glass. Is this a valid criticism? Does the
melting of an ice cube in a cup of water raise the level of the liq-
uid in the cup? Why or why not? In response to this criticism,
scientists have asserted that they are not worried about melting
icebergs, but rather the melting of ice sheets that sit on the con-
tinent of Antarctica. Would the melting of this ice increase
ocean levels? Why or why not?

149. The rate of vaporization depends on the surface area of the liq-
uid. However, the vapor pressure of a liquid does not depend on
the surface area. Explain.

150. Substance A has a smaller heat of vaporization than substance
B. Which of the two substances will undergo a larger change in
vapor pressure for a given change in temperature?

151. The density of a substance is greater in its solid state than in its
liquid state. If the triple point in the phase diagram of the sub-
stance is below 1.0 atm, then which will necessarily be at a
lower temperature, the triple point or the normal melting point?

152. A substance has a heat of vaporization of and heat of fu-
sion of Express the heat of sublimation in terms of

and 

153. Examine the heating curve for water in Section 11.7 (Figure
11.36). If heat is added to the water at a constant rate, which of
the three segments in which temperature is rising will have the
least steep slope? Why?

154. A root cellar is an underground chamber used to store fruits,
vegetables, and even meats. In extreme cold, farmers put large
vats of water into the root cellar to prevent the fruits and vegeta-
bles from freezing. Explain why this works.

155. Suggest an explanation for the observation that the heat of fusion
of a substance is always smaller than its heat of vaporization.

¢Hfus.¢Hvap

¢Hfus.
¢Hvap

Predict the total pressure above a solution of 5 mol A and 
1 mol B.


