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O
ur atmosphere is composed of a mixture of gases, 

including nitrogen, oxygen, argon, carbon dioxide, 

ozone, and trace amounts of others. These gases 

are essential to life, yet they can also create hazards for us. For 

example, carbon dioxide is valuable when it is taken in by plants 

and converted to carbohydrates, but it is also associated with 

the potentially hazardous greenhouse effect. Ozone surrounds 

the Earth at high altitudes and protects us from harmful ultravio-

let rays, but it also destroys rubber and plastics. We require air 

to live, yet scuba divers must be concerned about oxygen poi-

soning and the “bends.”

In chemistry, the study of the behavior of gases allows us to 

understand our atmosphere and the effects that gases have on 

our lives.

12.1 Properties of Gases

12.2 Boyle’s Law

12.3 Charles’ Law

12.4 Avogadro’s Law

12.5 Combined Gas Laws

12.6 Ideal Gas Law

12.7 Dalton’s Law of Partial Pressures

12.8 Density of Gases

12.9 Gas Stoichiometry

The GASeouS STATe  
of MATTer

C h a p T E r  12

The air in a hot air balloon 
expands when it is heated. Some 
of the air escapes from the top 
of the balloon, lowering the air 
density inside the balloon making 
the balloon buoyant.

 C h a p t e r  O u t l i n e
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12.1 ProPerTieS of GaSeS
explain atmospheric pressure and how it is measured. Be able to convert among the 
various units of pressure.

Gases are the least dense and most mobile of the three states of matter (see Figure 12.1). A 
solid has a rigid structure, and its particles remain in essentially fixed positions. When a solid 
absorbs sufficient heat, it melts and changes into a liquid. Melting occurs because the molecules 
(or ions) have absorbed enough energy to break out of the rigid structure of the solid. The mol-
ecules or ions in the liquid are more energetic than they were in the solid, as indicated by their 
increased mobility. Molecules in the liquid state cling to one another. When the liquid absorbs 
additional heat, the more energetic molecules break away from the liquid surface and go into 
the gaseous state—the most mobile state of matter. Gas molecules move at very high velocities 
and have high kinetic energy. The average velocity of hydrogen molecules at 0°C is over 1600 
meters (1 mile) per second. Mixtures of gases are uniformly distributed within the container in 
which they are confined.

The same quantity of a substance occupies a much greater volume as a gas than it does 
as a liquid or a solid (see Figure 12.2). For example, 1 mol of water (18.02 g) has a volume 
of 18 mL at 4°C. This same amount of liquid water would occupy about 22,400 mL in the 
gaseous state—more than a 1200-fold increase in volume. We may assume from this difference 
in volume that (1) gas molecules are relatively far apart, (2) gases can be greatly compressed, 
and (3) the volume occupied by a gas is mostly empty space.

key terms
pressure
atmospheric pressure
barometer
1 atmosphere
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Solid (Ice)
(a)

Liquid (Water)
(b)

Gas (Steam)
(c)
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Figure 12.1 

The three states of matter. (a) Solid—water molecules are held together rigidly and 
are very close to each other. (b) Liquid—water molecules are close together but are 
free to move around and slide over each other. (c) Gas—water molecules are far 
apart and move freely and randomly.

Measuring the pressure of a Gas
pressure is defined as force per unit area. When a rubber balloon is inflated with air, 
it stretches and maintains its larger size because the pressure on the inside is greater 
than that on the outside. Pressure results from the collisions of gas molecules with the 
walls of the balloon (see Figure 12.3). When the gas is released, the force or pressure 
of the air escaping from the small neck propels the balloon in a rapid, irregular flight. If 
the balloon is inflated until it bursts, the gas escaping all at once causes an explosive noise.

The effects of pressure are also observed in the mixture of gases in the atmosphere, 
which is composed of about 78% nitrogen, 21% oxygen, 1% argon, and other minor con-
stituents by volume (see Table 12.1). The outer boundary of the atmosphere is not known 
precisely, but more than 99% of the atmosphere is below an altitude of 32 km (20 miles). Thus, 
the concentration of gas molecules in the atmosphere decreases with altitude, and at about  

Figure 12.3

The pressure resulting from the 
collisions of gas molecules with 
the walls of the balloon keeps the 
balloon inflated. 

Figure 12.2

A mole of water occupies 18 mL 
as a liquid but would fill this box 
(22.4 L) as a gas at the same 
 temperature.
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250  chaPTer 12 • The Gaseous State of Matter

6.4 km (4 miles) the amount of oxygen is insufficient to sustain human life. The gases in the 
atmosphere exert a pressure known as atmospheric pressure. The pressure exerted by a gas 
depends on the number of molecules of gas present, the temperature, and the volume in which 
the gas is confined. Gravitational forces hold the atmosphere relatively close to Earth and 
prevent air molecules from flying off into space. Thus, the atmospheric pressure at any point 
is due to the mass of the atmosphere pressing downward at that point.

The pressure of the gases in the atmosphere can be measured with a barometer. A mer-
cury barometer may be prepared by completely filling a long tube with pure, dry mercury and 
inverting the open end into an open dish of mercury. If the tube is longer than 760 mm, the 
mercury level will drop to a point at which the column of mercury in the tube is just supported 
by the pressure of the atmosphere. If the tube is properly prepared, a vacuum will exist above 
the mercury column. The weight of mercury, per unit area, is equal to the pressure of the 
atmosphere. The column of mercury is supported by the pressure of the atmosphere, and the 
height of the column is a measure of this pressure (see Figure 12.4). The mercury barometer 
was invented in 1643 by the Italian physicist E. Torricelli (1608–1647), for whom the unit 
of pressure torr was named.

Air pressure is measured and expressed in many units. The standard atmospheric pressure, 
or simply 1 atmosphere (atm), is the pressure exerted by a column of mercury 760 mm high 
at a temperature of 0°C. The normal pressure of the atmosphere at sea level is 1 atm, or 760 
torr, or 760 mm Hg. The SI unit for pressure is the pascal (Pa), where 1 atm = 101,325 Pa, or  
101.3 kPa. Other units for expressing pressure are inches of mercury, centimeters of mercury, 
the millibar (mbar), and pounds per square inch (lb>in .2 or psi). The values of these units 
equivalent to 1 atm are summarized in Table 12.2.

Atmospheric pressure varies with altitude. The average pressure at Denver, Colorado, 
1.61 km (1 mile) above sea level, is 630 torr (0.83 atm). Atmospheric pressure is 380 torr  
(0.5 atm) at about 5.5 km (3.4 miles) altitude.

Pressure is often measured by reading the height of a mercury column in millimeters on 
a barometer. Thus pressure may be recorded as mm Hg (torr). In problems dealing with gases, 

Figure 12.4

Preparation of a mercury 
barometer. The full tube of 
mercury at the left is inverted  
and placed in a dish of mercury. 

N2
78.1%

Others 1%

O2
20.9%

 Table 12.1 average Composition of Dry air

Gas Percent by volume Gas Percent by volume

N2 78.08 He 0.0005
O2 20.95 CH4 0.0002
Ar 0.93 Kr 0.0001
CO2 0.033 Xe, H2 , and N2O Trace
Ne 0.0018

760 mm (height of Hg column
supported by atmospheric

pressure at sea level)

Atmospheric
pressure

Hg

Hg Hg

Vacuum

Table 12.2 pressure Units 
Equivalent to 1 atmosphere

 1 atm

 760 torr
 760 mm Hg
 76 cm Hg
 101.325 kPa
 1013 mbar
 29.9 in. Hg
 14.7 lb> in.2
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12.1 • properties of Gases  251

it is necessary to make conversions among the various pressure units. Since atm, torr, and mm 
Hg are common pressure units, we give examples involving all three of these units:

1 atm = 760 torr = 760 mm Hg

pressure Dependence on the number of Molecules  
and the temperature
Pressure is produced by gas molecules colliding with the walls of a container. At a specific 
temperature and volume, the number of collisions depends on the number of gas molecules 
present. The number of collisions can be increased by increasing the number of gas molecules 
present. If we double the number of molecules, the frequency of collisions and the pressure 
should double. We find, for an ideal gas, that this doubling is actually what happens. When the 
temperature and mass are kept constant, the pressure is directly proportional to the number of 
moles or molecules of gas present. Figure 12.5 illustrates this concept.

A good example of this molecule–pressure relationship may be observed in an ordinary 
cylinder of compressed gas equipped with a pressure gauge. When the valve is opened, gas 
escapes from the cylinder. The volume of the cylinder is constant, and the decrease in quantity 
(moles) of gas is registered by a drop in pressure indicated on the gauge.

e x a m p l e  1 2 . 1
The average atmospheric pressure at Walnut, California, is 740. mm Hg. Calculate this 
pressure in (a) torr and (b) atmospheres.

SOlutiOn

Let’s use conversion factors that relate one unit of pressure to another.

(a) To convert mm Hg to torr, use the conversion factor

   760 torr>760 mm Hg (1 torr>1 mm Hg):

(740. mm Hg)a 1 torr
1 mm Hg

b = 740. torr

(b) To convert mm Hg to atm, use the conversion factor

   1 atm>760. mm Hg:

(740. mm Hg)a 1 atm
760. mm Hg

b = 0.974 atm

p r a c T i c e  1 2 . 1

A barometer reads 1.12 atm. Calculate the corresponding pressure in (a) torr, (b) mm Hg, 
and (c) kilopascals.

1 mol H2
P = 1 atm

2 mol H2
P = 2 atm

0.5 mol H2
P = 0.5 atm

Figure 12.5

The pressure exerted by a gas 
is directly proportional to the 
number of molecules present. 
In each case shown, the volume 
is 22.4 L and the temperature 
is 0°C.

ENHANCED EXAMPLE
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252  chaPTer 12 • The Gaseous State of Matter

Figure 12.6

The pressure of a gas in a fixed 
volume increases with increasing 
temperature. The increased 
pressure is due to more frequent 
and more energetic collisions of 
the gas molecules with the walls 
of the container at the higher 
temperature.

Volume = 1 liter
0.1 mole gas
P = 2.24 atm

Volume = 1 liter
0.1 mole gas
P = 3.06 atm

2.24 atm
3.06 atm

100°C0°C

The pressure of a gas in a fixed volume also varies with temperature. When the tempera-
ture is increased, the kinetic energy of the molecules increases, causing more frequent and 
more energetic collisions of the molecules with the walls of the container. This increase in 
collision frequency and energy results in a pressure increase (see Figure 12.6).

>chemisTry in action
What the Nose Knows
the sense of smell is one of the most intriguing senses 
of animals. through the sense of smell dogs can detect 
the presence of many different drugs, explosives, and 
other substances. In some cases they may even be able to 
detect certain human diseases. the air around us is filled 
with traces of the chemicals composing our world. much 
work has gone into finding ways to identify the chemicals 
present in the air. Developing methods to identify chemi-
cals at low concentrations will have tremendous benefits.

beTTer coFFee? kenneth suslick at the University 
of Illinois, Urbana-Champaign, and his colleagues have 
developed an electronic nose. molecules placed in poly-
mer films change color when exposed to the aromatic 
compounds found in coffee. By comparing the relative 
amounts of each of these compounds to the amounts 
found in an exceptional cup of coffee, coffee roasters are 
able to easily identify problems with their coffee beans 
and thereby ensure a consistently good cup of coffee.

No more sTiNKy FeeT? If you have been flying 
recently, you have probably been required to remove 

your shoes. If researchers at the University of Illinois 
are successful, you may no longer have to remove your 
shoes at the airport. A handheld sensor is able to quickly 
and  accurately detect the presence of a commonly used 
explosive in shoes. Now as passengers walk through se-
curity, chemical sensors will look for triacetone triperoxide 
or tAtP vapors emanating from their shoes. this technology 
holds the promise that other harmful compounds may 
also be detected in this way.

The docTor Nose you’re sicK! many human 
diseases produce volatile compounds that are exhaled 
with every breath you take. Physicians can often diagnose 
diabetes simply by sniffing the breath of their patients for 
the odor of acetone. While most diseases do not produce 
easily detectable odors, physicians can take advantage 
of technology to detect these compounds at the low 
concentrations in which they are produced. For example, 
lung cancer patients emit specific metabolic by-products 
in their breath that can be detected by dogs. researchers 
are actively looking for techniques to detect these same 
compounds so that physicians can have a quick, easy 
screening tool for lung cancer.

key term
Boyle’s law

12.2 Boyle’S law
use Boyle’s law to calculate changes in pressure or volume of a sample of gas at a 
constant temperature.

Through a series of experiments, Robert Boyle (1627–1691) determined the relationship be-
tween the pressure (P) and volume (V) of a particular quantity of a gas. This relationship of P 
and V is known as boyle’s law:

learninG ObjeCtive
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12.2  •  Boyle’s Law  253

At constant temperature (T), the volume (V) of a fixed mass of a gas is inversely proportional 
to the pressure (P), which may be expressed as

V 
1
P
  or  P1  V1 = P2  V2

This law says that the volume varies () inversely with the pressure at constant mass and 
temperature. When the pressure on a gas is increased, its volume will decrease, and vice versa. 
The inverse relationship of pressure and volume is graphed in Figure 12.7.

When Boyle doubled the pressure on a specific quantity of a gas, keeping the temperature 
constant, the volume was reduced to one-half the original volume; when he tripled the pres-
sure on the system, the new volume was one-third the original volume; and so on. His work 
showed that the product of volume and pressure is constant if the temperature is not changed:

PV = constant  or  PV = k  (mass and temperature are constant)

Let’s demonstrate this law using a cylinder with a movable piston so that the volume of 
gas inside the cylinder may be varied by changing the external pressure (see Figure 12.8). 
Assume that the temperature and the number of gas molecules do not change. We start with 
a volume of 1000 mL and a pressure of 1 atm. When we change the pressure to 2 atm, the 
gas molecules are crowded closer together, and the volume is reduced to 500 mL. When we 
increase the pressure to 4 atm, the volume becomes 250 mL.

Note that the product of the pressure times the volume is the same number in each case, 
verifying Boyle’s law. We may then say that

P1V1 =  P2V2

where P1V1 is the pressure–volume product at one set of conditions, and P2V2 is the product at 
another set of conditions. In each case, the new volume may be calculated by multiplying the 
starting volume by a ratio of the two pressures involved. 

V2 = V1a
P1

P2
b

Of course, the ratio of pressures used must reflect the direction in which the volume should 
change. When the pressure is changed from 1 atm to 2 atm, the ratio to be used is 1atm>2atm. 
Now we can verify the volumes shown in Figure 12.8:

1. Starting volume, 1000 mL; pressure change, 1 atm h 2 atm
 P1 P2

(1000 mL)a 1 atm
2 atm

b = 500 mL

Volume (liters)
8

Pr
es

su
re

 (
at

m
)

76543210

8

7

6

5

4

3

2

1

0

Figure 12.7

Graph of pressure versus 
volume showing the inverse PV 
relationship of an ideal gas.

Figure 12.8

The effect of pressure on  
the volume of a gas. 

V = 1000 mL
1 atm x 1000 mL

V = 500 mL
2 atm x 500 mL

V = 250 mL
4 atm x 250 mL

=
=

=
==

P = 1 atm P = 4 atmP = 2 atm

PV
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254  chaPTer 12 • The Gaseous State of Matter

2. Starting volume, 1000 mL; pressure change, 1 atm h 4 atm
P1 P2

(1000 mL)a 1 atm
4 atm

b = 250 mL

3. Starting volume, 500 mL; pressure change, 2 atm h 4 atm
P1 P2

(500 mL)a 2 atm
4 atm

b = 250 mL

In summary, a change in the volume of a gas due to a change in pressure can be calculated 
by multiplying the original volume by a ratio of the two pressures. If the pressure is increased, 
the ratio should have the smaller pressure in the numerator and the larger pressure in the de-
nominator. If the pressure is decreased, the larger pressure should be in the numerator and the 
smaller pressure in the denominator:

new volume = original volume *  ratio of pressures = V1a
P1

P2
b

We use Boyle’s law in the following examples. If no mention is made of temperature, assume 
that it remains constant.

e x a m p l e  1 2 . 2
What volume will 2.50 L of a gas occupy if the pressure is changed from  
760. mm Hg to 630. mm Hg?

SOlutiOn

read  • Knowns: V1 = 2.50 L

   P1 = 760. mm Hg  P2 = 630. mm Hg

 Solving for: new volume (V2)

plan • Since the problem is concerned only with pressure and volume, Boyle’s law 
can be used: P1V1 = P2V2

 Solution map: pressure decreases S volume increases

P1V1 = P2V2 solving for V2 gives V2 =
P1V1

P2

calculate • V2 =
(2.50 L)(760. mm Hg)

630. mm Hg
= 3.20 L

  Another way to think about this is to use a ratio of pressures that will result 
in an increase in volume.

V2 = (2.50 L) a 760. mm Hg

630. mm Hg
b = 3.20 L

 Note this produces the same equation as we used above to solve the problem.

check • The final volume is larger than the original as predicted by Boyle’s law and 
the solution map.

ENHANCED EXAMPLE
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12.2  •  Boyle’s Law  255

e x a m p l e  1 2 . 4
A gas occupies a volume of 200. mL at 400. torr pressure. To what pressure must the gas 
be subjected in order to change the volume to 75.0 mL?

SOlutiOn

read  • Knowns: P1 = 400. torr V1 = 200. mL

   V2 = 75.0 mL

 Solving for: new pressure (P2)

plan • Since the problem is concerned only with pressure and volume, Boyle’s law 
can be used: P1V1 = P2V2

 Solution map: volume decreases S  pressure increases

 Since P1V1 = P2V2 solving for P2 gives P2 =
P1V1

V2

calculate • P2 =
(400. torr) (200. mL)

75.0 mL
= 1.07 * 103 torr

  We can also think about this by using a ratio of volumes that will result in 
an increase in pressure.

V2 = (400. torr) a 200. mL
75.0 mL

b = 1.07 * 103 torr

 This result is the same as the one used above to solve the problem.

check • The final pressure is larger than the original as predicted by Boyle’s law and 
the solution map.

A given mass of hydrogen occupies 40.0 L at 700. torr. What volume will it occupy at  
5.00 atm pressure?

SOlutiOn

read  • Knowns: P1 = 700. torr = 700. torr a 1 atm
760 torr

b = 0.921 atm

 P2 = 5.00 atm 

  V1 = 40.0 L

 Solving for: new volume (V2)

plan • Since the problem is concerned only with pressure and volume, Boyle’s law 
can be used: P1V1 = P2V2

 Solution map: pressure increases S volume decreases

P1V1 = P2V2 solving for V2 gives V2 =
P1V1

P2

calculate • V2 =
(0.921 atm) (40.0 L)

5.00 atm
= 7.37 L

 We can also use a ratio of pressures to solve this problem.

V2 = (40.0 L) a 0.921 atm
5.00 atm

b = 7.37 L

check • The final volume is smaller than the original as predicted by Boyle’s law and 
the solution map.

e x a m p l e  1 2 . 3
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256  chaPTer 12 • The Gaseous State of Matter

12.3 charleS’ law
use Charles’ law to calculate changes in temperature or volume of a sample of gas 
at constant pressure. 

The effect of temperature on the volume of a gas was observed in about 1787 by the French 
physicist J. A. C. Charles (1746–1823). Charles found that various gases expanded by the same 
fractional amount when they underwent the same change in temperature. Later it was found 
that if a given volume of any gas initially at 0°C was cooled by 1°C, the volume decreased 
by 1

273; if cooled by 2°C, it decreased by 2
273; if cooled by 20°C, by 20

273; and so on. Since each 
degree of cooling reduced the volume by 1

273, it was apparent that any quantity of any gas 
would have zero volume if it could be cooled to -273C. Of course, no real gas can be cooled 
to -273C for the simple reason that it would liquefy before that temperature is reached. How-
ever, -273C (more precisely, -273.15C) is referred to as absolute zero; this temperature 
is the zero point on the Kelvin (absolute) temperature scale—the temperature at which the 
volume of an ideal, or perfect, gas would become zero.

The volume–temperature relationship for methane is shown graphically in Figure 12.9. 
Experimental data show the graph to be a straight line that, when extrapolated, crosses the 
temperature axis at -273.15C, or absolute zero. This is characteristic for all gases.

key terms
absolute zero
Charles’ law

p r a c T i c e  1 2 . 2

A gas occupies a volume of 3.86 L at 0.750 atm. At what pressure will the volume be 
4.86 L?

Temperature (°C)

–273°C

300

5

CH4

0

4

3

2

1

4002001000–100–300 –200

V
ol

um
e 

(L
)

Figure 12.9 

Volume–temperature 
relationship of methane 
(Ch4). extrapolated portion 
of the graph is shown by 
the broken line.

a capital T is usually used for 
absolute temperature (K) and a 
small t for °c.

learninG ObjeCtive

In modern form, Charles’ law is as follows:

At constant pressure the volume of a fixed mass of any gas is directly proportional to the 
absolute temperature, which may be expressed as

V  T   or  
V1

T1
=

V2

T2

Mathematically, this states that the volume of a gas varies directly with the absolute tempera-
ture when the pressure remains constant. In equation form, Charles’ law may be written as

V = kT   or  
V

T
= k  (at constant pressure)

where k is a constant for a fixed mass of the gas. If the absolute temperature of a gas is doubled, 
the volume will double.

To illustrate, let’s return to the gas cylinder with the movable or free-floating piston  
(see Figure 12.10). Assume that the cylinder labeled (a) contains a quantity of gas and the 
pressure on it is 1 atm. When the gas is heated, the molecules move faster, and their kinetic 
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12.3  •  Charles’ Law  257

energy increases. This action should increase the number of collisions per unit of time and 
therefore increase the pressure. However, the increased internal pressure will cause the piston 
to rise to a level at which the internal and external pressures again equal 1 atm, as we see in 
cylinder (b). The net result is an increase in volume due to an increase in temperature.

Another equation relating the volume of a gas at two different temperatures is

V1

T1
=

V2

T2
  (constant P)

where V1 and T1 are one set of conditions and V2 and T2 are another set of conditions.
A simple experiment showing the variation of the volume of a gas with temperature is il-

lustrated in Figure 12.11. A balloon is placed in a beaker, and liquid N2 is poured over it. The 
volume is reduced, as shown by the collapse of the balloon; when the balloon is removed from the 
liquid N2, the gas expands as it warms back to room temperature and the balloon increases in size.

Figure 12.10

The effect of temperature on 
the volume of a gas. The gas in 
cylinder (a) is heated from T1 to 
T2. With the external pressure 
constant at 1 atm, the  
free-floating piston rises, resulting 
in an increased volume, shown in 
cylinder (b).

 e x a m p l e  1 2 . 5

Three liters of hydrogen at -20.°C are allowed to warm to a room temperature of 27°C. 
What is the volume at room temperature if the pressure remains constant?

SOlutiOn

read • Knowns: V1 = 3.00 L  T1 = -20.°C + 273 = 253 K
T2 = 27°C + 273 = 300. K

 Solving for: new volume (V2)

(a)

Free-floating
piston

(b)

T2
P = 1 atm

Increase in volume
due to increased

temperature

T1
P = 1 atm

remember: Temperature must 
be changed to Kelvin in gas law 
problems. Note that we use 273 
to convert instead of 273.15 since 
our original measurements are to 
the nearest degree.
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(b) (c)(a)

Figure 12.11

The air-filled balloons (a) are being placed into the beaker containing liquid nitrogen. Notice 
that the blue and red balloons on the left in (a) have been placed in the beaker in (b) and are 
much smaller. In (c) all of the balloons now fit inside the beaker.

ENHANCED EXAMPLE
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e x a m p l e  1 2 . 6

If 20.0 L of oxygen are cooled from 100.°C to 0.°C, what is the new volume?

SOlutiOn

read • Since no mention is made of pressure, we assume the pressure does not 
change. Remember that temperature must be in kelvins.

 Knowns: V1 = 20.0 L T1 = 100.°C = 373 K

  T2 = 0.°C = 273 K

 Solving for: new volume (V2)

plan • Since the problem is concerned only with temperature and volume, Charles’ 

law can be used: 
V1

T1
=

V2

T2

 Solution map: temperature decreases S  volume decreases

Since 
V1

T1
=

V2

T2
,      V2 =

V1T2

T1
 

calculate • V2 =
(20.0 L) (273 K)

373 K
= 14.6 L

  Or we can use the solution map to multiply the original volume  by a ratio of 
temperatures that will result in a decrease in volume.

V2 = (20.0 L) a 273 K
373 K

b = 14.6 L

check • The final volume is smaller than the original as predicted by Charles’ law and 
the solution map.

p r a c T i c e  1 2 . 3

A 4.50-L container of nitrogen gas at 28.0°C is heated to 56.0°C. Assuming that the 
 volume of the container can vary, what is the new volume of the gas?

plan • Since the problem is concerned only with temperature and volume, Charles’ 

law can be used: 
V1

T1
=

V2

T2

Solution map: temperature increases S  volume increases

Since 
V1

T1
=

V2

T2
,      V2 =

V1T2

T1

calculate • V2 =
(3.00 L) (300 K)

253 K
= 3.56 L

   Note the solution map also produces the same result by using a ratio of 
temperatures that will result in an increase in volume.

V2 = (3.00 L) a 300. K
253 K

b = 3.56 L

check • The final volume is larger than the original as predicted by Charles’ law and 
the solution map.
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12.4 avoGadro’S law
Solve problems using the relationship among moles, mass, and volume of gases. 

Early in the nineteenth century, a French chemist, J.L. Gay-Lussac (1778–1850) studied the 
volume relationships of reacting gases. His results, published in 1809, were summarized in a 
statement known as Gay-lussac’s law of combining volumes:

When measured at the same temperature and pressure, the ratios of the volumes of reacting 
gases are small whole numbers.

Thus, H2 and O2 combine to form water vapor in a volume ratio of 2:1 (Figure 12.12);  H2 and 
Cl2 react to form HCl in a volume ratio of 1:1 and H2 , and N2 react to form NH3 in a volume 
ratio of 3:1.

H2 H2 H2OO2 H2O

2 H2(g)

2 volumes

O2(g)

1 volume

+

+

2 H2O(g)

2 volumes

Figure 12.12

Gay-Lussac’s law of combining volumes of 
gases applied to the reaction of hydrogen 
and oxygen. When measured at the same 
temperature and pressure, hydrogen and 
oxygen react in a volume ratio of 2:1.

Two years later, in 1811, Amedeo Avogadro (1776–1856) used the law of combining 
volumes of gases to make a simple but significant and far-reaching generalization concerning 
gases. avogadro’s law states:

Equal volumes of different gases at the same temperature and pressure contain the same 
number of molecules.

This law was a real breakthrough in understanding the nature of gases.

 1. It offered a rational explanation of Gay-Lussac’s law of combining volumes of gases and 
indicated the diatomic nature of such elemental gases as hydrogen, chlorine, and oxygen.

 2. It provided a method for determining the molar masses of gases and for comparing the 
densities of gases of known molar mass (see Section 12.8).

 3. It afforded a firm foundation for the development of the kinetic-molecular theory.

By Avogadro’s law, equal volumes of hydrogen and chlorine at the same temperature and 
pressure contain the same number of molecules. On a volume basis, hydrogen and chlorine 
react thus (see Figure 12.13):

hydrogen + chlorine ¡ hydrogen chloride
1 volume 1 volume 2 volumes

Therefore, hydrogen molecules react with chlorine molecules in a 1:1 ratio. Since two volumes 
of hydrogen chloride are produced, one molecule of hydrogen and one molecule of chlorine 
must produce two molecules of hydrogen chloride. Therefore, each hydrogen molecule and 

+

+H2 Cl2 2 HCl

¡

¡

Figure 12.13

Avogadro’s law proved the 
 concept of diatomic molecules  
for hydrogen and chlorine.

key terms
Gay-Lussac’s law of combining 

volumes
Avogadro’s law
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260  chaPTer 12 • The Gaseous State of Matter

each chlorine molecule must consist of two atoms. The coefficients of the balanced equation for 
the reaction give the correct ratios for volumes, molecules, and moles of reactants and products:

H2  +   Cl2  ¡   2HCl
 1 volume 1 volume 2 volumes
 1 molecule 1 molecule  2 molecules
 1 mol 1 mol 2 mol

By like reasoning, oxygen molecules also must contain at least two atoms because  
one volume of oxygen reacts with two volumes of hydrogen to produce two volumes of 
water vapor.

The volume of a gas depends on the temperature, the pressure, and the number of gas 
molecules. Different gases at the same temperature have the same average kinetic energy. 
Hence, if two different gases are at the same temperature, occupy equal volumes, and exhibit 
equal pressures, each gas must contain the same number of molecules. This statement is true 
because systems with identical PVT properties can be produced only by equal numbers of 
molecules having the same average kinetic energy.

12.5 comBiNed GaS lawS
use the Combined gas law to calculate changes in pressure temperature, or volume 
of a sample of gas. 

To compare volumes of gases, common reference points of temperature and pressure were 
selected and called standard conditions or standard temperature and pressure (abbrevi-
ated Stp). Standard temperature is 273.15 K (0°C), and standard pressure is 1 atm (760 torr, 
760 mm Hg, or 101.325 kPa). For purposes of comparison, volumes of gases are often changed 
to STP conditions:

standard temperature =  273.15 K or 0.00°C

standard pressure = 1 atm or 760 torr, 760 mm Hg, or 101.325 kPa

When temperature and pressure change at the same time, the new volume may be calcu-
lated by multiplying the initial volume by the correct ratios of both pressure and temperature 
as follows:

final volume = (initial volume)a ratio of
pressures

b a ratio of
temperatures

b

The P, V, and T relationships for a given mass of any gas, in fact, may be expressed as a 
single equation, PV/T = k. For problem solving, this equation is usually written

P1V1

T1
=

P2V2

T2

where P1 , V1 , and T1 are the initial conditions and P2 , V2 , and T2 are the final conditions.
This equation can be solved for any one of the six variables and is useful in dealing with 

the pressure–volume–temperature relationships of gases. Note what happens to the combined 
gas law when one of the variables is constant:

•   T constant S P1V1 = P2V2 Boyle’s law

•   P constant S
V1

T1
=

V2

T2
 Charles’ law

key terms
standard conditions
standard temperature and pressure 

(stP)
molar volume

in this text we’ll use 273 K for 
temperature conversions and 
calculations. check with your 
instructor for rules in your class.

remember that you determine 
the correct ratios by thinking 
about the final result. for exam-
ple an increase in pressure should 
 decrease the volume, and so on.

learninG ObjeCtive
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e x a m p l e  1 2 . 7

Given 20.0 L of ammonia gas at 5oC and 730. torr, calculate the volume at 50.oC 
and 800. torr.

SOlutiOn

read • Remember that temperature must be in kelvins.

   Knowns: P1 = 730. torr P2 = 800. torr

    T1 = 5oC = 278 K T2 = 50.oC = 323 K

    V1 = 20.0 L

 Solving for: new volume (V2)

plan • Since P, V, and T are all changing, we must use the combined gas law:

 
P1V1

T1
=

P2V2

T2

 V2 =
V1P1T2

P2T1

calculate • V2 =
(20.0 L)(730. torr)(323 K)

(800. torr)(278 K)
= 21.2 L

check  • The number of significant figures should be three, and it is, as indicated by 
the significant figures, in the knowns.

e x a m p l e  1 2 . 8

To what temperature (oC) must 10.0 L of nitrogen at 25oC and 700. torr be heated in 
order to have a volume of 15.0 L and a pressure of 760. torr?

SOlutiOn

read • Remember that temperature must be in kelvins.

  Knowns: P1 = 700. torr P2 = 760. torr

   V1 = 10.0 L V2 = 15.0 L

   T1 = 25oC = 298 K

 Solving for: new temperature (T2)

plan • Since P, V, and T are all changing, we use the combined gas law: 

 
P1V1

T1
=

P2V2

T2

 T2 =
T1P2V2

P1V1

calculate • T2 =
(298 K)(760. torr)(15.0  L)

(700. torr)(10.0 L)
= 485 K

 Since the problem asks for °C, we must convert our answer:

485 K – 273 = 212oC

ENHANCED EXAMPLE
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p r a c T i c e  1 2 . 4

15.00 L of gas at 45.0°C and 800. torr are heated to 400.°C, and the pressure is changed 
to 300. torr. What is the new volume?

p r a c T i c e  1 2 . 5

To what temperature must 5.00 L of oxygen at 50.°C and 600. torr be heated in order to 
have a volume of 10.0 L and a pressure of 800. torr?

e x a m p l e  1 2 . 9

The volume of a gas-filled balloon is 50.0 L at 20.oC and 742 torr. What volume will it 
occupy at standard temperature and pressure (STP)?

SOlutiOn

read • Remember that temperature must be in kelvins.

  Knowns: P1 = 742 torr  P2 = 760. torr (standard pressure)

   T1 = 20.°C = 293 K T2 = 273 K (standard temperature)

   V1 = 50.0 L

  Solving for: new volume (V2)

plan • Since P, V, and T are all involved, we use the combined gas law:

 
P1V1

T1
=

P2V2

T2

 V2 =
P1V1T2

P2T1

calculate • V2 =
(742 torr)(50.0 L)(273 K)

(760. torr)(293 K)
= 45.5 L

Mole–Mass–volume relationships of Gases
Because a mole contains 6.022 * 1023 molecules (Avogadro’s number), a mole of any gas 
will have the same volume as a mole of any other gas at the same temperature and pressure. It 
has been experimentally determined that the volume occupied by a mole of any gas is 22.4  L 
at STP. This volume, 22.4 L, is known as the molar volume of a gas. The molar volume is a 
cube about 28.2 cm (11.1 in.) on a side. The molar masses of several gases, each occupying 
22.4 L at STP, are shown in Table 12.3 and Figure 12.14:

One mole of a gas occupies 22.4 L at STP.

The molar volume is useful for determining the molar mass of a gas or of substances that 
can be easily vaporized. If the mass and the volume of a gas at STP are known, we can calculate 
its molar mass. For example, 1.00 L of pure oxygen at STP has a mass of 1.429 g. The molar 
mass of oxygen may be calculated by multiplying the mass of 1.00 L by 22.4 L/mol:

a 1.429 g
1.00 L

b  a 22.4 L
1 mol

b = 32.0 g/mol  (molar mass)

If the mass and volume are at other than standard conditions, we change the volume to STP 
and then calculate the molar mass.

as with many constants, the molar 
volume is known more exactly to 
be 22.414 l. we use 22.4 l in our  
calculations, since the extra 
figures don’t often affect the 
result, given the other measure-
ments in the calculation.

Standard conditions apply only 
to pressure, temperature, and 
volume. mass is not affected.
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12.5  •  Combined Gas Laws  263

 Table 12.3 Mass of a Molar 
 Volume (22.4 L) of Various Gases

 Gas Mass of 22.4 L

 Xe 131.3 g
 O2 32.00 g
 CO2 44.01 g
 N2 28.02 g
 NH3 17.03 g
 Ar 39.95 g
 H2S 34.09 g
 H2 2.016 g
 SO2 64.07 g
 HCl 36.46 g
 CH4 16.04 g
 Cl2 71.90 g

Figure 12.14
one mole of a gas occupies 22.4  L 
at STP.

e x a m p l e  1 2 . 1 0

If 2.00 L of a gas measured at STP has a mass of 3.23 g, what is the molar mass of  
the gas?

SOlutiOn

read • Knowns: V = 2.00 L

   T = 273 K

   P = 1.00 atm

   m = 3.23 g

plan • The unit for molar mass is g/mol.

 Solution map:  g/L S  g/mol

1 mol = 22.4 L, so the conversion factor is 22.4 L/1 mol.

calculate •  a 3.23 g
2.00 L

b  a 22.4 L
1 mol

b = 36.2 g/mol (molar mass)

Diethyl ether

p r a c T i c e  1 2 . 6

A gas with a mass of 86 g occupies 5.00 L at 25°C and 3.00 atm pressure. What is the 
molar mass of the gas?

e x a m p l e  1 2 . 1 1

Measured at 40.°C and 630. torr, the mass of 691 mL of diethyl ether is 1.65 g. Calculate 
the molar mass of diethyl ether.

SOlutiOn

read • To find the molar mass we must first convert to STP. 

  Knowns: P1 = 630. torr P2 = 760 torr

   T1 = 40.°C = 313 K T2 = 273 K

   V1 = 691 mL

plan • Since P, V, and T are all changing, we must use the combined gas law:

 
P1V1

T1
=

P2V2

T2

 V2 =
V1P1T2

P2T1

calculate • V2 =
(691 mL) (630. torr) (273 K)

(760. torr) (313 K)
= 500. mL = 0.500 L (at STP)

a 1.65 g
0.500 L

b  a 22.4 L
1 mol

b = 73.9 g/mol  

The molar volume, 22.4 L/mol, is used as a conversion factor to convert grams per liter to 
grams per mole (molar mass) and also to convert liters to moles. The two conversion factors are

22.4 L
1 mol

 and 
1 mol
22.4 L

These conversions must be done at STP except under certain special circumstances.

ENHANCED EXAMPLE
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264  chaPTer 12 • The Gaseous State of Matter

12.6 ideal GaS law
use the ideal gas law to solve problems involving pressure, volume, temperature, 
and number of moles.

Now that we have considered all of the relationships used in gas calculations, we can simplify 
our work by combining the relationships into a single equation describing a gas.
The four variables that characterize a gas are: 

•   volume (V )

•   pressure (P)

•   absolute temperature (T )

•   number of molecules of moles (n)

Combining these variables, we obtain

V 
nT

P
  or  V =

nRT

P

where R is a proportionality constant known as the ideal gas constant. The equation is com-
monly written as

PV = nRT

and is known as the ideal gas law. This law summarizes in a single expression what we have 
considered in our earlier discussions. The value and units of R depend on the units of P, V, 
and T. We can calculate one value of R by taking 1 mol of a gas at STP conditions. Solve the 
equation for R:

R =
PV

nT
=

(1 atm)(22.4 L)

(1 mol)(273 K)
= 0.0821 

L # atm
mol # K

The units of R in this case are liter # atmospheres (L # atm) per mole kelvin (mol # K). When 
the value of R = 0.0821 L # atm/mol # K, P is in atmospheres, n is in moles, V is in liters, and 
T is in kelvins.

The ideal gas equation can be used to calculate any one of the four variables when the 
other three are known.

key terms 
ideal gas law
kinectic-molecular theory (kmt)
ideal gas 

learninG ObjeCtive

e x a m p l e  1 2 . 1 2

What pressure will be exerted by 0.400 mol of a gas in a 5.00-L container at 17°C?

SOlutiOn

read • Knowns: V = 5.00 L

   T = 17°C = 290. K

    n = 0.400 mol

plan • We need to use the ideal gas law:

 PV = nRT

 P =
nRT

V

calculate • P =

(0.400 mol)a0.0821 
L # atm
mol # K

b (290. K)

5.00 L
= 1.90 atm

ENHANCED EXAMPLE

Hein_14ed_c12_248-281hr.indd   264 9/3/12   4:02 PM



12.6  •  Ideal Gas Law  265

The molar mass of a gaseous substance can also be determined using the ideal gas law. 
Since molar mass = g/mol it follows that mol = g/molar mass. Using M for molar mass and 
g for grams, we can substitute g/M for n (moles) in the ideal gas law to get

PV =
g

M
 RT  or  M =

gRT

PV
    (modified ideal gas law)

which allows us to calculate the molar mass, M, for any substance in the gaseous state.

p r a c T i c e  1 2 . 7

A 23.8-L cylinder contains oxygen gas at 20.0°C and 732 torr. How many moles of  
oxygen are in the cylinder?

1 atm = 14.7 lb/in.2 from 
Table 12.2.

This form of the ideal gas law is 
most useful in problems containing 
mass instead of moles.
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e x a m p l e  1 2 . 1 3

How many moles of oxygen gas are in a 50.0-L tank at 22°C if the pressure gauge reads 
2000. lb/in.2?

SOlutiOn

read • Knowns:  P = a 2000. lb

in.2
b £ 1 atm

14.7 
lb

in.2
≥ = 136.1 atm

 V = 50.0 L

 T = 22°C = 295 K

plan • We need to use the ideal gas law:

 PV = nRT

 n =
PV

RT

calculate • n =
(136.1 atm)(50.0 L)

(0.0821 
L # atm
mol # K

)(295 K)
= 281 mol O2

e x a m p l e  1 2 . 1 4

Calculate the molar mass of butane gas if 3.69 g occupy 1.53 L at 20.ºC and 1.00 atm.

SOlutiOn

read • Knowns: P = 1.00 atm

   V = 1.53 L

   T = 20.ºC = 293 K

   m = 3.69 g (mass)

plan •  Since we know m and not the number of moles (n) of the gas, we need to use 
the ideal gas law, modifying it since n = g/M, where M is the molar mass 
of the gas:

 PV =
g

M
 RT

 M =
gRT

PV
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266  chaPTer 12 • The Gaseous State of Matter

the Kinetic-Molecular theory
The data accumulated from the gas laws allowed scientists to formulate a general theory to ex-
plain the behavior and properties of gases. This theory is called the kinetic-molecular theory 
(KMt). The KMT has since been extended to cover, in part, the behavior of liquids and solids.

The KMT is based on the motion of particles, particularly gas molecules. A gas that 
behaves exactly as outlined by the theory is known as an ideal gas. No ideal gases exist, but 
under certain conditions of temperature and pressure, real gases approach ideal behavior or at 
least show only small deviations from it.

The principal assumptions of the kinetic-molecular theory are as follows:

1.  Gases consist of tiny particles.

2.  The distance between particles is large compared with the size of the particles them-
selves. The volume occupied by a gas consists mostly of empty space.

3.  Gas particles have no attraction for one another.

4.  Gas particles move in straight lines in all directions, colliding frequently with one another 
and with the walls of the container.

5.  No energy is lost by the collision of a gas particle with another gas particle or with the 
walls of the container. All collisions are perfectly elastic.

6.  The average kinetic energy for particles is the same for all gases at the same temperature, 
and its value is directly proportional to the Kelvin temperature.

The kinetic energy (KE) of a particle is expressed by the equation

KE =
1
2

 mv2

where m is the mass and v is the velocity of the particle.
All gases have the same kinetic energy at the same temperature. Therefore, from the kinetic 

energy equation we can see that, if we compare the velocities of the molecules of two gases, the 
lighter molecules will have a greater velocity than the heavier ones. For example, calculations 
show that the velocity of a hydrogen molecule is four times the velocity of an oxygen molecule.

real Gases
All the gas laws are based on the behavior of an ideal gas—that is, a gas with a behavior that is 
described exactly by the gas laws for all possible values of P, V, and T. Most real gases actually 
do behave very nearly as predicted by the gas laws over a fairly wide range of temperatures 
and pressures. However, when conditions are such that the gas molecules are crowded closely 
together (high pressure and/or low temperature), they show marked deviations from ideal be-
havior. Deviations occur because molecules have finite volumes and also have intermolecular 
attractions, which result in less compressibility at high pressures and greater compressibility at 
low temperatures than predicted by the gas laws. Many gases become liquids at high pressure 
and low temperature.

p r a c T i c e  1 2 . 8

A 0.286-g sample of a certain gas occupies 50.0 mL at standard temperature and 76.0 cm Hg.  
Determine the molar mass of the gas.

Butane

calculate • M =

(3.69 g)a0.0821 
L # atm
mol # K

b (293 K)

(1.00 atm)(1.53 L)
= 58.0 g/mol

check •  If we look up the formula for butane, we find it is C4H10 with a molar mass 
of 58.0 g/mol, so our calculation is correct.
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12.7 dalToN’S law of ParTial PreSSureS
use Dalton’s law of partial pressures to calculate the total pressure from a mixture of 
gases or the pressure of a single gas in a mixture of gases. 

If gases behave according to the kinetic-molecular theory, there should be no difference in 
the pressure–volume–temperature relationships whether the gas molecules are all the same or 
different. This similarity in the behavior of gases is the basis for an understanding of Dalton’s 
law of partial pressures:

The total pressure of a mixture of gases is the sum of the partial pressures exerted by each 
of the gases in the mixture.

key terms
Dalton’s law of partial pressures
partial pressure

air Quality
Chemical reactions occur among the gases that are emit-
ted into our atmosphere. In recent years, there has been 
growing concern over the effects these reactions have on 
our environment and our lives.

the outer portion (stratosphere) of the atmosphere plays 
a significant role in determining the conditions for life at 
the surface of the earth. this stratosphere protects the 
surface from the intense radiation and particles bombard-
ing our planet. some of the high-energy radiation from 
the sun acts upon oxygen molecules, O2, in the strato-
sphere, converting them into ozone, O3.

O2 99:
sunlight   O + O

        oxygen atoms

O2 + O ¡ O3

        ozone

Ultraviolet radiation from the sun is highly damaging to 
living tissues of plants and animals. the ozone layer, how-
ever, shields the earth by absorbing ultraviolet radiation 
and thus prevents most of this lethal radiation from reach-
ing the earth’s surface. 

In the lower atmosphere ozone is a harmful pollutant. 
Ozone is formed in the atmosphere during electrical 
storms and by the photochemical action of ultraviolet 
radiation on a mixture of nitrogen dioxide and oxygen. 
Areas with high air pollution are subject to high atmo-
spheric ozone concentrations. Ozone is not a desirable 
low-altitude constituent of the atmosphere because it is 
known to cause extensive plant damage, cracking of rub-
ber, and the formation of eye-irritating substances. 

In addition to ozone, the air in urban areas contains 
nitrogen oxides, which are components of smog. the 
term smog refers to air pollution in urban environments. 
Often the chemical reactions occur as part of a photo-
chemical process. Nitrogen monoxide (NO) is oxidized 
in the air or in automobile engines to produce nitrogen 
dioxide (NO2). In addition to nitrogen oxides, combus-
tion of fossil fuels releases CO2, CO, and sulfur oxides. 
Incomplete combustion releases unburned and partially 
burned  hydrocarbons. society is continually attempting to 
discover, understand, and control emissions that contrib-
ute to this sort of atmospheric chemistry.  

hong Kong skyline comparing poor and good air quality.
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Each gas in the mixture exerts a pressure that is independent of the other gases pres ent. These 
pressures are called partial pressures (see Figure 12.15). Thus, if we have a mixture of 
hydrogen and oxygen gases (H2 and O2), exerting partial pressures of 0.5 atm and 0.5 atm, 
respectively, the total pressure will be 1.0 atm:

 Ptotal = PH2
+ PO2

 Ptotal = 0.5 atm + 0.5 atm = 1.0 atm

We can see an application of Dalton’s law in the collection of insoluble gases over 
water. When prepared in the laboratory, oxygen is commonly collected by the down-
ward  displacement of water. Thus the oxygen is not pure but is mixed with water vapor 
(see Figure 12.16). When the water levels are adjusted to the same height inside and out-
side the bottle, the pressure of the oxygen plus water vapor inside the bottle is equal to the 
 atmospheric pressure:

Patm = PO2
+ PH2O

>chemisTry in action>chemisTry in actionry in actionry
Getting high to lose Weight?
researchers in Germany have reported an interesting 
relationship between atmospheric pressure and weight 
loss. they invited 20 obese men with an average mass of 
105 kg to spend a week at a research station 2650 meters 
above sea level. the men were instructed to maintain 
the same activity level as they normally would and wore 
pedometers to ensure that they were walking the same 
number of steps each day. At the end of the week the 
average weight loss was 1.5 kg, a half kilogram more than 
would have been expected based on their lowered ap-
petites at this altitude.

the research group hypothesized that some of the 
extra weight loss could have been due to the low partial 
 pressure of oxygen gas in the atmosphere. this would 

have required the subjects’ hearts to work harder in order 
to draw in enough oxygen to survive. this increase in heart 
rate resulted in a higher energy consumption and net 
weight loss. Comparing this result to data from similar ex-
periments with athletes training at high altitude, a similar 
weight loss was observed. In these experiments, however, 
the relative amounts of fat and muscle tissue metabolized 
to produce energy were compared. the percentage of 
fat burned decreased and the amount of muscle burned 
increased at high altitude. the result suggests that in an 
oxygen-poor environment the body chooses to metabolize 
the energy source requiring the least oxygen. 

so, is moving to a high altitude the answer to your weight 
loss struggles? Probably not, considering that you most 
likely want to lose fat mass rather than muscle mass.

Figure 12.15

each gas in a mixture of gases (h2 and o2) has a partial pressure which is the 
same as though the gas were alone in the container.

0.5 mol H2
P = 0.5 atm

0.5 mol O2
P = 0.5 atm

0.5 mol H2 + 0.5 mol O2
P = 1 atm
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Oxygen plus
water vapor

Oxygen from
generator

p r a c T i c e  1 2 . 9

Hydrogen gas was collected by downward displacement of water. A volume of 600.0 mL 
of gas was collected at 25.0°C and 740.0 torr. What volume will the dry hydrogen occupy 
at STP?

e x a m p l e  1 2 . 1 5

A 500.-mL sample of oxygen was collected over water at 23ºC and 760. torr. What  
volume will the dry O2 occupy at 23ºC and 760. torr? The vapor pressure of water at 23ºC 
is 21.2 torr.

SOlutiOn  

read • Knowns: Voxygen and water vapor = 500. mL
  Poxygen and water vapor = 760 torr
  Pwater vapor = 21.2 torr
  Temperature constant at 23°C

  Solving for: Vdry oxygen (at 760 torr)

plan •  First, we must find the pressure of the dry oxygen, and then determine the vol-
ume of the dry oxygen using Boyle’s law (since the temperature is constant).

P1V1 = P2V2

Pdry oxygen = Poxygen and water vapor -  Pwater vapor

      = 760. torr – 21.2 torr = 739 torr

P1 = 739 torr  P2 = 760. torr

V1 = 500. mL

 Solution map: pressure increases S  volume decreases

Since P1V1 = P2V2,      V2 =
P1V1

P2

calculate • V2 =
(739 torr)(500. mL)

760. torr
= 486 mL dry O2

check • The final volume is smaller than the original as predicted by Dalton’s law.

Figure 12.16 

oxygen collected over water.

To determine the amount of O2 or any other gas collected over water, we subtract the pressure 
of the water vapor (vapor pressure) from the total pressure of the gases:

PO2
= Patm - PH2O

The vapor pressure of water at various temperatures is tabulated in  Appendix IV.
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12.8 deNSiTy of GaSeS
Calculate the density of a gas.

The density, d, of a gas is its mass per unit volume, which is generally expressed in grams per 
liter as follows:

d =
mass

volume
=

g

L

Because the volume of a gas depends on temperature and pressure, both should be given when 
stating the density of a gas. The volume of a solid or liquid is hardly affected by changes in pres-
sure and is changed only slightly when the temperature is varied. Increasing the temperature from 
0°C to 50°C will reduce the density of a gas by about 18% if the gas is allowed to expand, whereas 
a 50°C rise in the temperature of water (0°C S 50°C) will change its density by less than 0.2%.

The density of a gas at any temperature and pressure can be determined by calculating the 
mass of gas present in 1 L. At STP, in particular, the density can be calculated by multiplying 
the molar mass of the gas by 1 mol>22.4 L:

dSTP = (molar mass) a 1 mol
22.4 L

b

molar mass = (dSTP) a 22.4 L
1 mol

b

Table 12.4 lists the densities of some common gases.

  Table 12.4 Density of 
Common Gases at STp

 Molar 
 mass Density 
Gas (g/mol) (g/L at STP)

H2 2.016 0.0900
CH4 16.04 0.716
NH3 17.03 0.760
C2H2 26.04 1.16
HCN 27.03 1.21
CO 28.01 1.25
N2 28.02 1.25
air (28.9) (1.29)
O2 32.00 1.43
H2S 34.09 1.52
HCl 36.46 1.63
F2 38.00 1.70
CO2 44.01 1.96
C3H8 44.09 1.97
O3 48.00 2.14
SO2 64.07 2.86
Cl2 70.90 3.17

e x a m p l e  1 2 . 1 6

Calculate the density of Cl2 at STP.

SOlutiOn

read • To find the density, we need the molar mass of Cl2. Using the periodic table, 
we find it  to be 70.90 g/mol.

plan • The unit for density for gases is g/L.

 Solution map: g/mol S  g/L

1 mol = 22.4 L, so the conversion factor is 1 mol /22.4 L.

calculate •  a 70.90 g

1 mol
b a 1 mol 

22.4 L
b = 3.165 g/L

check • Compare the answer 3.165 g/L to Cl2 density in Table 12.4.

p r a c T i c e  1 2 . 1 0

The molor mass of a gas is 20. g/mol. Calculate the density of the gas at STP.

p r a c T i c e  1 2 . 1 1

List these gases in order of increasing density (same T and P): H2 , CO, C3H8 , NO2 , O2 , 
N2O, POF3 , and B2H6 .

learninG ObjeCtive

12.9 GaS SToichiomeTry
Solve stoichiometric problems involving gases.

Mole–volume and Mass–volume Calculations
Stoichiometric problems involving gas volumes can be solved by the general mole-ratio 
method outlined in Chapter 9 (summarized in Figure 12.17). The factors 1 mol>22.4 L and 

learninG ObjeCtive
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22.4 L>1 mol are used for converting volume to moles and moles to volume, respectively.  
These conversion factors are used under the assumption that the gases are at STP and that they 
behave as ideal gases. In actual practice, gases are measured at other than STP conditions, and 
the volumes are converted to STP for stoichiometric calculations. The following are examples 
of typical problems involving gases in chemical reactions.

Moles AGrams A

Atoms or
molecules A

Volume A

Moles B Grams B

Atoms or
molecules B

Volume B

Figure 12.17

Summary of the primary 
conversions involved in 
stoichiometry. The conversion  
for volumes of gases is included.

See Section 9.1 if you have 
forgotten the Problem-Solving 
Strategy.

e x a m p l e  1 2 . 1 7

What volume of oxygen (at STP) can be formed from 0.500 mol of potassium  chlorate?

SOlutiOn

read • Knowns: P = 1.00 atm

   T = 273 K

   n = 0.500 mol KClO3

plan • We can use the balanced equation to solve this problem since moles of a gas 
are directly convertible to L at STP.

2 KClO3(s) ¡ 2 KCl(s) + 3 O2(g)

 Solution map: mol KClO3 S  mol O2 S  L O2

We use our Problem-Solving Strategy for Stoichiometry Problems to find the 
moles of oxygen produced:

(0.500 mol KClO3) a
3 mol O2

2 mol KClO3
b = 0.750 mol O2

calculate • Now we can convert moles of O2 to liters of O2.

(0.750 mol O2)a 22.4 L
1 mol

b = 16.8 L O2

e x a m p l e  1 2 . 1 8

How many grams of aluminum must react with sulfuric acid to produce 1.25 L of hy-
drogen gas at STP?

SOlutiOn

read • Knowns: V = 1.25 L H2

 T = 273 K

 P = 1.00 atm

plan • We can use the balanced equation to solve this problem since moles of a gas 
are directly convertible to liters at STP.

2 Al(s) + 3 H2SO4(aq) ¡ Al2(SO4)3(aq) + 3 H2(g)

 Solution map: L H2 S  mol H2 S  mol Al S  g Al

ENHANCED EXAMPLE

Hein_14ed_c12_248-281hr.indd   271 9/3/12   4:02 PM



272  chaPTer 12 • The Gaseous State of Matter

We first use the conversion factor of 1 mol/22.4 L to convert the liters H2 to 
moles. Then we use our Problem-Solving Strategy for Stoichiometry Prob-
lems to find the moles of aluminum produced:

(1.25 L H2)a 1 mol
22.4 L

b a 2 mol Al
3 mol H2

b = 0.0372 mol Al

calculate • Now we can convert moles of Al to grams of Al.

(0.0372 mol Al)a 26.98 g Al

mol Al
b = 1.00 g Al

e x a m p l e  1 2 . 1 9

What volume of hydrogen, collected at 30.oC and 700. torr, will be formed by reacting 
50.0 g of aluminum with hydrochloric acid?

SOlutiOn 

read • Knowns: T = 30.°C = 303 K
 P = 700. torr = 0.921 atm
 m = 50.0 g

plan • We need the balanced equation to determine the number of moles of Al and 
then the moles of H2.

2 Al(s) + 6 HCl(aq) S  2 AlCl3(aq) + 3 H2(g)

 Solution map: g Al S  mol Al S  mol H2

We first use the molar mass for Al to convert the g Al to moles. Then we use the 
mole ratio from the balanced equation to find the moles of hydrogen produced:

(50.0 g Al)a 1 mol Al
26.98 g Al

b a 3 mol H2

2 mol Al
b = 2.78 mol H2

Now we can use the ideal gas law to complete the calculation:

PV =  nRT

calculate • V =

(2.78 mol H2)a0.0821
L # atm
mol # K

b (303 K)

(0.921 atm)
= 75.1 L H2

p r a c T i c e  1 2 . 1 2

If 10.0 g of sodium peroxide (Na2O2) react with water to produce sodium hydroxide and 
oxygen, how many liters of oxygen will be produced at 20.°C and 750. torr?

2 Na2O2(s) + 2 H2O(l) ¡ 4 NaOH(aq) + O2(g)

volume–volume Calculations
When all substances in a reaction are in the gaseous state, simplifications in the calculation 
can be made. These are based on Avogadro’s law, which states that gases under identical 
conditions of temperature and pressure contain the same number of molecules and occupy 
the same volume. Under the standard conditions of  temperature and pressure, the volumes of 
gases reacting are proportional to the numbers of moles of the gases in the balanced equation. 
Consider the reaction:

H2(g)   +    Cl2(g)   ¡    2 HCl(g)
1 mol 1 mol 2 mol

 1 volume 1 volume 2 volumes
 Y volume Y volume 2 Y volumes
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This statement is true because these volumes are equivalent to the number of reacting 
moles in the equation. Therefore, Y volume of H2 will combine with Y volume of Cl2 to give 
2 Y volumes of HCl. For example, 100 L of H2 react with 100 L of Cl2 to give 200 L of HCl. 

For reacting gases at constant temperature and pressure, volume–volume relationships are 
the same as mole–mole relationships.

remember: for gases at the 
same T and P, equal volumes con-
tain equal numbers of particles.

e x a m p l e  1 2 . 2 0

What volume of oxygen will react with 150. L of hydrogen to form water vapor? What 
volume of water vapor will be formed?

SOlutiOn

Assume that both reactants and products are measured at standard conditions. Calculate 
by using reacting volumes:

2 H2(g)  +   O2(g)  ¡   2 H2O(g)

2 mol 1 mol 2 mol
 2 volumes 1 volume 2 volumes
 150. L 75 L 150. L

For every two volumes of H2 that react, one volume of O2 reacts and two volumes of 
H2O(g) are produced:

(150. L H2)¢ 1 volume O2

2 volumes H2
≤ = 75.0 L O2

(150. L H2)¢ 2 volumes H2O

2 volumes H2
≤ = 150. L H2O

e x a m p l e  1 2 . 2 1

The equation for the preparation of ammonia is

3 H2(g) + N2(g)  99:
400°C

 
 2 NH3(g)

Assuming that the reaction goes to completion, determine the following:

(a) What volume of H2 will react with 50.0 L of N2  ?
(b) What volume of NH3 will be formed from 50.0 L of N2  ?
(c) What volume of N2 will react with 100. mL of H2  ?
(d) What volume of NH3 will be produced from 100. mL of H2  ?
(e)  If 600. mL of H2 and 400. mL of N2 are sealed in a flask and allowed to 

react,  what amounts of H2, N2 , and NH3 are in the flask at the end of the reaction?

SOlutiOn

The answers to parts (a)–(d) are shown in the boxes and can be determined from the 
 equation by inspection, using the principle of reacting volumes:

   3 H2(g) +  N2(g) ¡  2 NH3(g)
3 volume 1 volume 2 volumes

(a)  150. L   50.0 L
(b)  50.0 L  100. L 
(c) 100. mL  33.3 mL 
(d) 100. mL   66.7 mL 
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p r a c T i c e  1 2 . 1 3

What volume of oxygen will react with 15.0 L of propane (C3H8) to form carbon dioxide 
and water? What volume of carbon dioxide will be formed? What volume of water vapor 
will be formed?

C3H8(g) + 5 O2 ¡ 3 CO2(g) + 4 H2O(g)

(e)  Volume ratio from the equation =
3 volumes H2

1 volume N2

Volume ratio used =
600. mL H2

400. mL N2
=

3 volumes H2

2 volumes N2

Comparing these two ratios, we see that an excess of N2 is present in the gas mixture. 
Therefore, the reactant limiting the amount of NH3 that can be formed is H2  :

3 H2(g) + N2(g) ¡ 2 NH3(g)
600. mL 200. mL 400. mL

To have a 3:1 ratio of volumes reacting, 600. mL of H2 will react with 200. mL of N2 to 
produce 400. mL of NH3, leaving 200. mL of N2 unreacted. At the end of the reaction, 
the flask will contain 400. mL of NH3 and 200. mL of N2.

key term
Boyle’s law

key terms
pressure
atmospheric pressure
barometer
1 atmosphere

C h a p T E r  1 2  r e v i e W

12.1 ProPerTieS of GaSeS

• Gases:
• Particles are relatively far apart.
• Particles are very mobile.
• Gases take the shape and volume of the container.
• Gases are easily compressible.

• Pressure is force per unit area.
• Pressure of the atmosphere is measured by using a barometer:

• Units of pressure include:
• Atmosphere (atm) = 760 mm Hg.
• Pascal, 1 atm = 101,325 Pa = 101.3 kPa.
• Torr, 1 atm = 760 torr.

•  Pressure is directly related to the number of molecules in the sample.
•  Pressure is directly related to the Kelvin temperature of the sample.

12.2 Boyle’S law

• At constant temperature, the volume of a gas is inversely proportional to the pressure of the gas:

V   
1
P
  or  P1V1 = P2V2

Volume (liters)
8

Pr
es

su
re

 (
at

m
)

76543210

8

7

6

5

4

3

2

1

0
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12.3 charleS’ law

•  At constant pressure, the volume of a gas is directly proportional to the absolute temperature of the gas.

V  T   or  
V1

T1
=

V2

T2

key terms
absolute zero
Charles’ law

Temperature (°C)

–273°C

300

5

CH4

0

4

3

2

1

4002001000–100–300 –200

V
ol

um
e 

(L
)

12.4 avoGadro’S law

•  Gay-Lussac’s law of combining volumes states that when measured at constant T and P, the ratios of 
the volumes of reacting gases are small whole numbers.

•  Avogadro’s law states that equal volumes of different gases at the same T and P contain the same 
number of particles.

12.5 comBiNed GaS law

•  The P V T relationship for gases can be expressed in a single equation known as the combined gas 
law:

P1V1

T1
=

P2V2

T2

• One mole of any gas occupies 22.4 L at STP.

12.6 ideal GaS law

• The ideal gas law combines all the variables involving gases into a single expression:

PV = nRT

• R is the ideal gas constant and can be expressed as

R = 0.0821
L # atm
mol # K

• Kinetic-molecular theory assumptions:
• Gases are tiny particles with no attraction for each other.
• The distance between particles is great compared to the size of the particles.
• Gas particles move in straight lines.
• No energy is lost in particle collisions (perfectly elastic collisions).
•  The average kinetic energy for particles is the same for all gases at the same temperature and 

pressure.
• A gas that follows the KMT is an ideal gas.

• The kinetic energy of a particle is expressed as KE =
1
2

 mv2.

• Real gases show deviation from the ideal gas law:
• Deviations occur at:

• High pressure
• Low temperature

• These deviations occur because:
• Molecules have finite volumes.
• Molecules have intermolecular attractions.

key terms
Gay-Lussac’s law of  

combining volumes
Avogadro’s law

key terms
standard conditions
standard temperature  

and pressure (stP)
molar volume

key terms
ideal gas law
kinetic-molecular theory (kmt)
ideal gas
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•  For reacting gases (contant T and P) volume–volume relationships are the same as mole–mole 
relationships.

12.7 dalToN’S law of ParTial PreSSureS

•  The total pressure of a mixture of gases is the sum of the partial pressures of the component gases in 
the mixture.

•  When a gas is collected over water, the pressure of the collected gas is the difference between the 
atmospheric pressure and the vapor pressure of water at that temperature.

12.8 deNSiTy of GaSeS

• The density of a gas is usually expressed in units of g/L.
•  Temperature and pressure are given for a density of a gas since the volume of the gas depends on 

these conditions.

12.9 GaS SToichiomeTry

•  Stoichiometry problems involving gases are solved the same way as other stoichiometry problems. 
See graphic below.

r e v i e W  Q u e s T i o N s
 1. What is meant by pressure (for a gas)?
 2.  How does the air pressure inside the balloon shown in Figure 12.3 

compare with the air pressure outside the balloon? Explain.
 3. According to Table 12.1, what two gases are the major constituents 

of dry air?
 4. How does the pressure represented by 1 torr compare in magnitude 

to the pressure represented by 1 mm Hg? See Table 12.2.
 5. In which container illustrated in Figure 12.6 are the  molecules of 

gas moving faster? Assume both gases to be  hydrogen.
 6. In Figure 12.7, what gas pressure corresponds to a volume of 4 L?
 7.  How do the data illustrated in Figure 12.7 verify Boyle’s law?
 8.  What effect would you observe in Figure 12.10 if T2 were lower 

than T1 ?
 9.  Explain how the reaction

N2(g) + O2(g) ¡
 

 
2 NO(g)

  proves that nitrogen and oxygen are diatomic molecules.
10.  What is the reason for comparing gases to STP?
11.  What are the four parameters used to describe the behavior of a gas?
12.  What are the characteristics of an ideal gas?
13.  How is Boyle’s law related to the ideal gas law?
14.  How is Charles’ law related to the ideal gas law?
15.  What are the basic assumptions of the kinetic-molecular theory?

16.  Arrange the following gases, all at standard temperature, in order of 
increasing relative molecular velocities: H2, CH4, Rn, N2, F2, and 
He. What is your basis for determining the order?

17.  List, in descending order, the average kinetic energies of the mol-
ecules in Question 16.

18.  Under what condition of temperature, high or low, is a gas least 
likely to exhibit ideal behavior? Explain.

19.  Under what condition of pressure, high or low, is a gas least likely 
to exhibit ideal behavior? Explain.

20.  How does the kinetic-molecular theory account for the behavior of 
gases as described by

 (a)  Boyle’s law?
 (b)  Charles’ law?
 (c)  Dalton’s law of partial pressures?
21.  Is the conversion of oxygen to ozone an exothermic or endothermic 

reaction? How do you know?
22.  Write formulas for an oxygen atom, an oxygen molecule, and an 

ozone molecule. How many electrons are in an oxygen molecule?
23.  In the diagram shown in Figure 12.16, is the pressure of the oxygen 

plus water vapor inside the bottle equal to, greater than, or less than 
the atmospheric pressure outside the bottle? Explain.

24.  List five gases in Table 12.4 that are more dense than air. Explain 
the basis for your selection.

Moles AGrams A

Atoms or
molecules A

Volume A

Moles B Grams B

Atoms or
molecules B

Volume B

key terms
Dalton’s law of partial  

pressures
partial pressure
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25.  Compare, at the same temperature and pressure, equal volumes of 
H2 and O2 as to the following:

 (a)  number of molecules
 (b)  mass
 (c)  number of moles
 (d)  average kinetic energy of the molecules
 (e)  density

26.  When constant pressure is maintained, what effect does heating a 
mole of N2 gas have on

 (a)  its density?
 (b)  its mass?
 (c)  the average kinetic energy of its molecules?
 (d)  the average velocity of its molecules?
 (e)  the number of N2 molecules in the sample?

Most of the exercises in this chapter are available for assignment via the online homework management program, WileyPLUS (www.wileyplus.com) 
All exercises with blue numbers have answers in Appendix VI.

p a i r e d  e x e r c i s e s

 1. Fill in the table below with the missing information:  2. Fill in the table below with the missing information:

 3. Perform the following pressure conversions:
(a) Convert 953 torr to kPa.
(b) Convert 2.98 kPa to atm.
(c) Convert 2.77 atm to mm Hg.
(d) Convert 372 torr to atm.
(e) Convert 2.81 atm to cm Hg.

 4. Perform the following pressure in conversions:
(a) Convert 649 torr to kPa.
(b) Convert 5.07 kPa to atm.
(c) Convert 3.64 atm to mm Hg.
(d) Convert 803 torr to atm.
(e) Convert 1.08 atm to cm Hg.

 5.  This scuba diver watch shows the air pressure in the diver’s scuba 
tank as 1920 lb/in.2. Convert this pressure to
(a) atm  (b) torr  (c) kPa

 6.  A pressure sensor shows tire pressure as 31 lb/in.2. Convert this 
pressure to 
(a) atm  (b) torr  (c) kPa

 torr  in. Hg           kilopascals (kPa)

(a)   30.2

(b)  752

(c)    99.3

  mm Hg lb/in.2         atmospheres (atm)

(a)  789

(b)   32

(c)    1.4

Courtesy Aeris
© Thomas Acop/iStockphoto

7.  A sample of a gas occupies a volume of 725 mL at 825 torr. At 
constant temperature, what will be the new pressure (torr) when the 
volume changes to the following:
(a) 283 mL 
(b) 2.87 L

8.  A sample of a gas occupies a volume of 486 mL at 508 torr. At 
constant temperature, what will be the new pressure (torr) when the 
volume changes to the following:
(a) 185 mL 
(b) 6.17 L

 9.  A sample of methane gas, CH4, occupies a volume (L) of 58.2 L 
at a pressure of 7.25 atm. What volume will the gas occupy if the 
pressure is lowered to 2.03 atm?

10.  A sample of nitrous oxide gas, N2O, occupies a volume of 832 L 
at a pressure of 0.204 atm. What volume (L) will the gas occupy if 
the pressure is increased to 8.02 atm?

11.  A sample of CO2 gas occupies a volume of 125 mL at 21°C. If pres-
sure remains constant, what will be the new volume if temperature 
changes to:
(a) -5°C  (b) 95°F  (c) 1095 K

12.  A sample of CH4 gas occupies a volume of 575 mL at -25°C. If 
pressure remains constant, what will be the new volume if tempera-
ture changes to:
(a) 298 K  (b) 32°F  (c) 45°C
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27.  What volume will each of the following occupy at STP?
(a) 6.02 * 1023 molecules of CO2 (c) 12.5 g oxygen
(b) 2.5 mol CH4

28.  What volume will each of the following occupy at STP?
(a) 1.80 * 1024 molecules of SO3 (c) 25.2 g chlorine
(b) 7.5 mol C2H6

29. How many grams of NH3 are present in 725 mL of the gas at STP? 30. How many grams of C3H6 are present in 945 mL of the gas at STP?

31. How many liters of CO2 gas at STP will contain 1025 molecules? 32.  How many molecules of CO2 gas at STP are present in 10.5 L?

33.  What volume would result if a balloon were filled with 10.0 grams 
of chlorine gas at STP?

34.  How many grams of methane gas were used to fill a balloon to a 
volume of 3.0 L at STP?

35.  At 22°C and 729 torr pressure, what will be the volume of 75 mol 
of NH3 gas?

36.  At 39°C and 1.5 atm, what will be the volume of 105 mol of 
CH4?

37.  How many moles of O2 are contained in 5.25 L at 26°C and 1.2 atm? 38.  How many moles of CO2 are contained in 9.55 L at 45°C and 
752 torr?

39.  At what Kelvin temperature will 25.2 mol of Xe occupy a volume 
of 645 L at a pressure of 732 torr?

40.  At what Kelvin temperature will 37.5 mol of Ar occupy a volume 
of 725 L at a pressure of 675 torr?

41. Calculate the density of each of the following gases at STP:
(a) He  (b) HF  (c) C3H6  (d) CCl2F2

42.  Calculate the density of each of the following gases at STP:
(a) Rn  (b) NO2  (c) SO3  (d) C2H4

43. Calculate the density of each of the following gases:
(a) NH3 at 25°C and 1.2 atm
(b) Ar at 75°C and 745 torr

44.  Calculate the density of each of the following gases:
(a) C2H4 at 32°C and 0.75 atm
(b) He at 57°C and 791 torr

45.  In the lab, students decomposed a sample of calcium carbonate 
by heating it over a Bunsen burner and collected carbon dioxide 
according to the following equation.

CaCO3(s) ¡ CaO(s) + CO2(g)

(a)  How many mL of carbon dioxide gas were generated by the 
decomposition of 6.24 g of calcium carbonate at STP?

(b)  If 52.6 L of carbon dioxide at STP were needed, how many 
moles of calcium carbonate would be required?

46.  In the lab, students generated and collected hydrogen gas according  
to the following equation: 

Mg(s) + 2HCl(aq) ¡ MgCl2(aq) + H2(g)

(a)  How many mL of hydrogen gas at STP were generated from 
42.9 g of magnesium metal? 

(b)  If 825 mL of hydrogen gas at STP were needed, how many 
moles of HCI would be required?

15.  An expandable balloon contains 1400. L of He at 0.950 atm pres-
sure and 18°C. At an altitude of 22 miles (temperature 2.0°C and 
pressure 4.0 torr), what will be the volume of the balloon?

16.  A gas occupies 22.4 L at 2.50 atm and 27°C. What will be its vol-
ume at 1.50 atm and -5.00°C?

17.  A 775-mL sample of NO2 gas is at STP. If the volume changes to 
615 mL and the temperature changes to 25°C, what will be the new 
pressure?

18.  A 2.5-L sample of SO3 is at 19°C and 1.5 atm. What will be the new 
temperature in °C if the volume changes to 1.5 L and the pressure 
to 765 torr?

19.  A sample of O2 gas was collected over water at 23°C and 772 torr. 
What is the partial pressure of the O2? 
(Refer to Appendix IV for the vapor pressure of water.)

20.  A sample of CH4 gas was collected over water at 29°C and 749 mm 
Hg. What is the partial pressure of the CH4? (Refer to Appendix IV 
for the vapor pressure of water.)

21.  A mixture contains H2 at 600. torr pressure, N2 at 200. torr pres-
sure, and O2 at 300. torr pressure. What is the total pressure of the 
gases in the system?

22.  A mixture contains H2 at 325 torr pressure, N2 at 475 torr pressure, 
and O2 at 650. torr pressure. What is the total pressure of the gases 
in the system?

23.  A sample of methane gas, CH4 was collected over water at 25.0°C 
and 720. torr. The volume of the wet gas is 2.50 L. What will be 
the volume of the dry methane at standard pressure?

24.  A sample of propane gas, C3H8 was collected over water at 22.5°C 
and 745 torr. The volume of the wet gas is 1.25 L. What will be the 
volume of the dry propane at standard pressure?

25.  Calculate the volume of 6.26 mol of nitrogen gas, N2, at STP. 26. Calculate the volume of 5.89 mol of carbon dioxide, CO2, at STP.

47.  Consider the following equation:

4 NH3(g) + 5 O2(g) ¡ 4 NO(g) + 6 H2O(g)

(a)  How many liters of oxygen are required to react with 

 2.5 L NH3? Both gases are at STP.
(b)  How many grams of water vapor can be produced from 25 L 

NH3 if both gases are at STP?
(c)  How many liters of NO can be produced when 25 L O2 are 

reacted with 25 L NH3? All gases are at the same  temperature 
and pressure.

48.  Consider the following equation:

C3H8(g) + 5 O2(g) ¡ 3 CO2(g) + 4 H2O(g)

(a)  How many liters of oxygen are required to react with 7.2 L C3H8? 
Both gases are at STP.

(b)  How many grams of CO2 will be produced from 35 L C3H8 if 
both gases are at STP?

(c)  How many liters of water vapor can be produced when 15 L 
C3H8 are reacted with 15 L O2? All gases are at the same tem-
perature and pressure.

13.  A sample of a gas occupies a volume of 1025 mL at 75°C and 
0.75  atm. What will be the new volume if temperature decreases to 
35°C and pressure increases to 1.25 atm?

14.  A sample of a gas occupies a volume of 25.6 L at 19°C and 678  torr. 
What will be the new volume if temperature increases to 35°C and 
pressure decreases to 595 torr?
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49.  Oxygen gas can be generated by the decomposition of  potassium 
chlorate according to the following equation:

2 KClO3(s) ¡ 2 KCl(s) + 3 O2(g)

 How many liters of oxygen at STP will be produced when 0.525 kg 
of KCl is also produced?

50.  When glucose is burned in a closed container, carbon dioxide gas 
and water are produced according to the  following equation:

C6H12O6(s) + 6 O2(g) ¡ 6 CO2(g) + 6 H2O(l)

How many liters of CO2 at STP can be produced when 1.50 kg of 
glucose are burned?

a d d i T i o N a l  e x e r c i s e s

51.  How is it possible that 1 mole of liquid water occupies a volume of 
18 mL, but 1 mole of gaseous water occupies a volume of 22.4  L? 
(See Figure 12.2.)

52.  Explain why it is necessary to add air to a car’s tires during the 
winter. 

53.  Look at the three pictures below. If each of these pictures represents 
a gas at 85°C, which of the gases is exerting the greatest pressure?

(a) (b) (c)

54.  The balloon below is filled with helium at a temperature of 37°C. 
If the balloon is placed into a freezer with a temperature of -20°C, 
which diagram best represents the molecules inside the balloon?

(a) (b) (c)

55.  You have a 10-L container filled with 0.5 mol of O2 gas at a tem-
perature of 30.°C with a pressure of 945 torr.
(a)  What will happen to the pressure if the container size is doubled 

while keeping the temperature and number of moles constant?
(b)  What will happen to the pressure when the temperature is dou-

bled while keeping the size of the container and the number of 
moles constant?

(c)  What will happen to the pressure when the amount of O2 gas 
is cut in half while keeping the size of the container and the 
temperature constant?

(d)  What will happen to the pressure if 1 mole of N2 gas is added 
to the container while keeping the temperature and size of the 
container the same?

56.  Sketch a graph to show each of the following relationships:
(a) P vs. V at constant temperature and number of moles
(b) T vs. V at constant pressure and number of moles
(c) n vs. V at constant temperature and pressure

57.  For gases the relationship among the factors P, V, T, and n can be 
used to solve many different problems. Using the factors and the 
graphs below, complete the table.

(a) (c)

(d)(b)

    Graph showing the
 Factors that Factors that relationship of 
 Law are constant are variable variable factors

 Boyle’s law 

 Charles’ law

 Avogadro’s law

58.  Why is it dangerous to incinerate an aerosol can?
59.  What volume does 1 mol of an ideal gas occupy at standard  conditions?

60.  Which of these occupies the greatest volume?
(a) 0.2 mol of chlorine gas at 48°C and 80 cm Hg
(b) 4.2 g of ammonia at 0.65 atm and -11°C
(c) 21 g of sulfur trioxide at 55°C and 110 kPa

61.  Which of these contains the largest number of molecules?
(a) 1.00 L of CH4 at STP
(b) 3.29 L of N2 at 952 torr and 235°F
(c) 5.05 L of Cl2 at 0.624 atm and 0°C
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62.  Which of these has the greatest density?
(a) SF6 at STP
(b) C2H6 at room conditions
(c) He at -80°C and 2.15 atm

63.  For each of the following pairs, predict which sample would have 
the greater density.

64.  A chemist carried out a chemical reaction that produced a gas. It 
was found that the gas contained 80.0% carbon and 20.0% hydro-
gen. It was also noticed that 1500 mL of the gas at STP had a mass 
of 2.01 g.
(a) What is the empirical formula of the compound?
(b) What is the molecular formula of the compound?
(c) What Lewis structure fits this compound?

65.  Three gases were added to the same 2.0-L container. The total pres-
sure of the gases was 790 torr at room temperature (25.0°C). If the 
mixture contained 0.65 g of oxygen gas, 0.58 g of carbon dioxide, 
and an unknown amount of nitrogen gas, determine the following:
(a) the total number of moles of gas in the container
(b) the number of grams of nitrogen in the container
(c) the partial pressure of each gas in the mixture

66.  When carbon monoxide and oxygen gas react, carbon dioxide 
results. If 500. mL of O2 at 1.8 atm and 15°C are mixed with 
500. mL of CO at 800 mm Hg and 60°C, how many milliliters of 
CO2 at STP could possibly result?

67.  One of the methods for estimating the temperature at the center of 
the sun is based on the ideal gas law. If the center is assumed to be a 
mixture of gases whose average molar mass is 2.0 g/mol, and if the 
density and pressure are 1.4 g/cm3 and 1.3 * 109 atm,  respectively, 
calculate the temperature.

68.  A soccer ball of constant volume 2.24 L is pumped up with air to 
a gauge pressure of 13 lb/in.2 at 20.0°C. The molar mass of air is 
about 29 g/mol.
(a) How many moles of air are in the ball?
(b) What mass of air is in the ball?
(c)  During the game, the temperature rises to 30.0°C. What mass of 

air must be allowed to escape to bring the gauge pressure back 
to its original value?

69.  A balloon will burst at a volume of 2.00 L. If it is partially filled at 
20.0°C and 65 cm Hg to occupy 1.75 L, at what temperature will 
it burst if the pressure is exactly 1 atm at the time that it bursts?

70.  Given a sample of a gas at 27°C, at what temperature would the vol-
ume of the gas sample be doubled, the pressure  remaining  constant?

(a)

1 2

or

1 2

or

(b)

71.  A gas sample at 22°C and 740 torr pressure is heated until its vol-
ume is doubled. What pressure would restore the sample to its 
 original volume?

72.  A gas occupies 250. mL at 700. torr and 22°C. When the pressure is 
changed to 500. torr, what temperature (°C) is needed to maintain 
the same volume?

73.  The tires on an automobile were filled with air to 30. psi at 71.0°F. 
When driving at high speeds, the tires become hot. If the tires have 
a bursting pressure of 44 psi, at what temperature (°F) will the tires 
“blow out”?

74.  What pressure will 800. mL of a gas at STP exert when its volume 
is 250. mL at 30°C?

75.  How many L of SO2 gas at STP will contain 9.14 g of sulfur di-
oxide gas?

76.  How many gas molecules are present in 600. mL of N2O at 40°C 
and 400. torr pressure? How many atoms are present? What would 
be the volume of the sample at STP?

77.  An automobile tire has a bursting pressure of 60 lb/in.2. The normal 
pressure inside the tire is 32 lb/in.2. When traveling at high speeds, 
a tire can get quite hot. Assuming that the temperature of the tire is 
25°C before running it, determine whether the tire will burst when 
the inside temperature gets to 212°F. Show your  calculations.

78.  If you prepared a barometer using water instead of mercury, how 
high would the column of water be at one atmosphere pressure? 
(Neglect the vapor pressure of water.)

79.  How many moles of oxygen are in a 55-L cylinder at 27°C and 
2.20 * 103 lb> in.2?

80.  How many moles of Cl2 are in one cubic meter (1.00 m3) of Cl2
gas at STP?

81.  At STP, 560. mL of a gas have a mass of 1.08 g. What is the molar 
mass of the gas?

82.  A gas has a density at STP of 1.78 g/L. What is its molar mass?

83.  Using the ideal gas law, PV = nRT, calculate the following:
(a) the volume of 0.510 mol of H2 at 47°C and 1.6 atm pressure
(b)  the number of grams in 16.0 L of CH4 at 27°C and 600. torr 

pressure
(c) the density of CO2 at 4.00 atm pressure and 20.0°C 
(d)  the molar mass of a gas having a density of 2.58 g/L at 27°C 

and 1.00 atm pressure.

84.  Acetylene (C2H2) and hydrogen fluoride (HF) react to give 
difluoroethane: 

C2H2(g) + 2 HF(g) ¡ C2H4F2(g)

 When 1.0 mol of C2H2 and 5.0 mol of HF are reacted in a 10.0-L 
flask, what will be the pressure in the flask at 0°C when the reac-
tion is complete?

85.  What volume of hydrogen at STP can be produced by reacting 
8.30 mol of Al with sulfuric acid? The equation is

2 Al(s) + 3 H2SO4(aq) ¡ Al2(SO4)3(aq) + 3 H2(g)

86.  A gas has a percent composition by mass of 85.7% carbon and 
14.3% hydrogen. At STP the density of the gas is 2.50 g/L. What is 
the molecular formula of the gas?

87.  Assume that the reaction

2 CO(g) + O2(g) ¡ 2 CO2(g)
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12.1 (a) 851 torr, (b) 851 mm Hg, (c) 113 kPa

12.2 0.596 atm

12.3 4.92 L

12.4 84.7 L

12.5 861 K (588°C)

12.6 1.4 * 102 g/mol

12.7 0.953 mol

12.8 128 g/mol

12.9 518 mL

12.10 0.89 g/L

12.11 H2 < B2H6 < CO < O2 < N2O < C3H8 < NO2 < POF3

12.12 1.55 L O2

12.13 75.0 L O2 , 45.0 L CO2 , 60.0 L H2O

89.  Air has a density of 1.29 g/L at STP. Calculate the density of air 
on Pikes Peak, where the pressure is 450 torr and the temperature 
is 17°C.

90.  Consider the arrangement of gases shown below. If the valve be-
tween the gases is opened and the temperature is held constant, 
determine the following:
(a) the pressure of each gas
(b) the total pressure in the system

H2
V = 1.0 L

P = 50. torr

CO2
V = 3.0 L

P = 150. torr

91.  A steel cylinder contains 50.0 L of oxygen gas under a pressure of 
40.0 atm and at a temperature of 25°C. What was the pressure in 
the cylinder during a storeroom fire that caused the temperature to 
rise 152°C? (Be careful!)

92.  A balloon has a mass of 0.5 g when completely deflated. When it is 
filled with an unknown gas, the mass increases to 1.7 g. You notice 
on the canister of the unknown gas that it occupies a volume of 
0.4478 L at a temperature of 50°C. You note the temperature in the 
room is 25°C. Identify the gas.

93.  A baker is making strawberry cupcakes and wants to ensure they 
are very light. To do this, he must add enough baking soda to in-
crease the volume of the cupcakes by 55.0%. All of the carbon 
dioxide produced by the decomposition of the baking soda is incor-
porated into the cupcakes. The baking soda or sodium bicarbonate 
will react with citric acid in the batter according to the reaction.

3 NaHCO3 + H3C6H5O7 ¡ Na3C6H5O7 + 3 H2O + 3 CO2

 which occurs with a 63.7% yield. How many grams of baking 
soda must be added to 1.32 L of cupcake batter at a baking tem-
perature of 325°F and a pressure of 738 torr to achieve the correct 
 consistency?

c h a l l e N G e  e x e r c i s e s

a N s W e r s  T o  p r a c T i c e  e x e r c i s e s

goes to completion. When 10. mol of CO and 8.0 mol of O2 react 
in a closed 10.-L vessel,
(a)  how many moles of CO, O2, and CO2 are present at the end of 

the reaction?
(b) what will be the total pressure in the flask at 0°C?

88.  If 250 mL of O2, measured at STP, are obtained by the decomposi-
tion of the KClO3 in a 1.20-g mixture of KCl and KClO3,

2 KClO3(s) ¡ 2 KCl(s) + 3 O2(g)

what is the percent by mass of KClO3 in the mixture?
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