Gases and the

Key Principles

to focus on while studying this chapter

* The physical properties of gases differ significantly from those of liquids and
solids because gas particles are much farther apart. (Section 5.1)

* Pressure is a force acting on an area; the atmosphere’s gases exert a pressure on
Earth's surface that is measured with a barometer. (Section 5.2)

* Four gas variables—volume (V), pressure (P), temperature (T), and amount
(n}—are interdependent. For a hypothetical ideal gas, volume changes linearly
with a change in any one of the other variables, as long as the remaining two are
held constant. These behaviors are described by gas laws (Boyle's, Charles’s, and
Avogadro’s), which are combined into the ideal gas law (PV = nRT). Most simple
gases behave ideally at ordinary pressures and temperatures. (Section 5.3)

* Rearrangements of the ideal gas law are used to calculate the density and molar
mass of a gas and the partial pressure of each gas in a gas mixture (Dalton’s law).
We use gas variables (P, V, and T) in stoichiometry problems to find the amounts
(n) of gaseous reactants or products in a reaction. (Section 5.4)

¢ To explain the behavior of gases, the kinetic-molecular theory postulates that
an ideal gas consists of points of mass moving in straight lines between elastic
collisions (no loss of energy). A key result of the theory is that, at a given
temperature, the particles of a gas have a range of speeds, but all gases have
the same average kinetic energy. Thus, temperature is a measure of molecular
motion, as given by the average kinetic energy of gas particles. (Section 5.5)

¢ The theory also predicts that heavier gas particles move more slowly on average
than lighter ones, and, thus, two gases effuse (move through a tiny hole into a
vacuum) or diffuse (move through one another) at rates inversely proportional to
the square roots of their molar masses (Graham’s law). (Section 5.5)

At extremely low temperature and high pressure, real gas behavior deviates from
ideal behavior because the actual volume of the gas particles and the attractions
(and repulsions) they experience during collisions become important factors. To
account for real gas behavior, the ideal gas law is revised to the more accurate
van der Waals equation. (Section 5.6)
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The Power of Expanding Gas At 180°C, the bit of
water inside a kernel of popcorn vaporizes, and the

gas pressure reaches more than nine times that of the
atmosphere. The hull ruptures, and the corn’s starch and
proteins form an expanded foamy mass.
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People have been studying the behavior of gases and the other states of matter

throughout history; in fact, three of the four “elements” proposed by the ancient [:[]N[:[PTS & SK”_I_S m HE\”EW
Greeks were air (gas), water (liquid), and earth (solid). Yet, despite millennia of obser- hEIUrE S[Udvmﬂ [hiS ﬁhﬁ[][ﬂf
vations, many questions remain. In this chapter and its companion, Chapter 12, we
examine the physical states and their interrelations. Here, we highlight the gaseous * physical states of matter
state, the one we understand best. However, we’ll put aside the chemical behavior (Section 1.1)
unique to each specific gas and focus instead on the physical behavior common to all ¢ (Ssl:cqz'éﬁ‘?n“ﬁ“b”s

gases. For instance, although the particular gases differ, the same physical behaviors
underlie the operation of a car and the baking of bread, the thrust of a rocket engine
and the explosion of a kernel of popcorn, the process of breathing and the creation
of thunder.

* amount-mass-number conversions
(Section 3.1)

5.1+ AN OVERVIEW OF THE PHYSICAL
STATES OF MATTER

Most substances can exist as a solid, a liquid, or a gas under appropriate conditions
of pressure and temperature. In Chapter 1, we used the relative position and motion
of the particles of a substance to distinguish how each state fills a container (see
Figure 1.2). Recall that:

* A gas adopts the container shape and fills it, because its particles are far apart and
move randomly.

* A liquid adopts the container shape to the extent of its volume and forms an upper
surface because its particles are close together but free to move around each other.

* A solid has a fixed shape regardless of the container shape, because its particles are
close together and held rigidly in place.

Figure 5.1 focuses on the three states of bromine.
Several other aspects of their behaviors distinguish gases from liquids and solids:

1. Gas volume changes significantly with pressure. When a sample of gas is confined to
a container of variable volume, such as a cylinder with a piston, increasing the force
on the piston decreases the gas volume. Removing the force allows the volume to

Figure 5.1 The three states of matter.
Many substances, such as bromine (Br,),
can exist under appropriate conditions of
pressure and temperature as a gas, liquid,
or solid.

Gas: Particles are Liquid: Particles are Solid: Particles are

far apart, move freely, close together but move close together in a regular
and fill the available around one another. array and do not move
space. around one another.

STUDENTS-HUB.com Uploaded By: anonymous


https://students-hub.com
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increase again. Gases under pressure can do work: compressed air in a jackhammer
breaks rock and cement, and in tires it lifts the weight of a car. In contrast, the volume
of a liquid or a solid does not change significantly under pressure.

2. Gas volume changes significantly with temperature. When a sample of gas at constant
pressure is heated, it expands; when it is cooled, it shrinks. This volume change is 50
to 100 times greater for gases than for liquids or solids. The expansion that occurs
when gases are rapidly heated can lift a rocket or pop corn.

3. Gases flow very freely. Gases flow much more freely than liquids and solids. This
behavior allows gases to be transported more easily through pipes, but it also means
they leak more rapidly out of small holes and cracks.

4. Gases have relatively low densities. Gas density is usually measured in units of grams
per liter (g/L), whereas liquid and solid densities are in grams per milliliter (g/mL),
about 1000 times as dense. For example, at 20°C and normal atmospheric pressure,
the density of O,(g) is 1.3 g/L, whereas the density of H,O(/) is 1.0 g/mL and the
density of NaCl(s) is 2.2 g/mL. When a gas cools, its density increases because its
volume decreases: on cooling from 20°C to 0°C, the density of O,(g) increases from
1.3 to 1.4 g/L.

5. Gases form a solution in any proportions. Air is a solution of 18 gases. Two liquids,
however, may or may not form a solution: water and ethanol do, but water and gaso-
line do not. Two solids generally do not form a solution unless they are melted, mixed,
and then allowed to solidify (as when the alloy bronze is made from copper and tin).

These macroscopic properties arise because the particles in a gas are much farther
apart than those in a liquid or a solid.

@ Summary of Section 5.1

e The volume of a gas can be altered significantly by changing the applied force or
the temperature. Corresponding changes for liquids and solids are much smaller.

¢ Gases flow more freely and have much lower densities than liquids and solids.

e Gases mix in any proportions to form solutions; liquids and solids generally do not.

o Differences in the physical states are due to the greater average distance between
particles in a gas than in a liquid or a solid.

5.2 ¢ GAS PRESSURE AND ITS MEASUREMENT

You can blow up a balloon or pump up a tire because a gas exerts pressure on the walls
of its container. Pressure (P) is defined as the force exerted per unit of surface area:

force

Pressure =
area

Earth’s gravity attracts the atmospheric gases, and they exert a force uniformly on all
surfaces. The force, or weight, of these gases creates a pressure of about 14.7 pounds
per square inch (Ib/in?; psi) of surface. Thus, a pressure of 14.7 Ib/in? exists on the out-
side of your room (or your body), and it equals the pressure on the inside. What would
happen if the pressures were not equal? Consider the empty can attached to a vacuum
pump in Figure 5.2. With the pump off (left) the can maintains its shape because
the pressure on the outside is equal to the pressure on the inside. With the pump
on (right), nearly all of the air inside is removed, decreasing the internal pressure
greatly, and the pressure of the atmosphere easily crushes the can. The vacuum-
filtration flasks and tubing that you may have used in the lab have thick walls that
withstand the enormous difference in pressure that arises as the flask is evacuated.

Measuring Atmospheric Pressure

The barometer is used to measure atmospheric pressure. The device is still essentially
the same as it was when invented in 1643 by the Italian physicist Evangelista Torri-
celli: a tube about 1 m long, closed at one end, filled with mercury (Hg), and inverted
into a dish containing more mercury. When the tube is inverted, some of the mercury
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Figure 5.2 Effect of atmospheric pres-
sure when itis exerted equally on inner
and outer surfaces (left) and when the
internal pressure is greatly decreased

(right).
Pressure outside = presére inside >> pressure inside

flows out into the dish, and a vacuum forms above the mercury remaining in the tube Vacuum
(Figure 5.3). At sea level, under ordinary atmospheric conditions, the mercury stops C gl

. . . column
flowing out when the surface of the mercury in the tube is about 760 mm above the pro il
surface of the mercury in the dish. At that height, the column of mercury exerts the Pressure 2 due to weight
same pressure (weight/area) on the mercury surface in the dish as the atmosphere does: due to weight = of atmosphere

— . . . . o, . f ;é— (Patm)
Py, = Py, Likewise, if you evacuate a closed tube and invert it into a dish of mer- of mercury =
cury, the atmosphere pushes the mercury up to a height of about 760 mm. (Pg) —

Notice that we did not specify the diameter of the barometer tube. If the mercury
in a 1-cm diameter tube rises to a height of 760 mm, the mercury in a 2-cm diameter
tube will rise to that height also. The weight of mercury is greater in the wider tube, ﬂ /

but so is the area; thus, the pressure, the ratio of weight to area, is the same.

Because the pressure of the mercury column is directly proportional to its height, Ah = 760
a unit commonly used for pressure is millimeters of mercury (mmHg). We discuss
other units of pressure shortly. At sea level and 0°C, normal atmospheric pressure is
760 mmHg; at the top of Mt. Everest (elevation 29,028 ft, or 8848 m), the atmospheric
pressure is only about 270 mmHg. Thus, pressure decreases with altitude: the column of
air above the sea is taller, so it weighs more than the column of air above Mt. Everest.

Laboratory barometers contain mercury because its high density allows these
instruments to be a convenient size. If a barometer contained water instead, it would
have to be more than 34 ft high, because the pressure of the atmosphere equals the
pressure of a column of water about 10,300 mm (almost 34 ft) high. For a given pres- )
sure, the ratio of heights (k) of the liquid columns is inversely related to the ratio of Figure 5.3 A mercury barometer.

the densities (d) of the liquids: The pressure of the atmosphere, Py,
balances the pressure of the mercury
hHZo = @ column, By,
hHg deO

Units of Pressure

Pressure results from a force exerted on an area. The SI unit of force is the newton (N):
I N = 1 kg-m/s? (about the weight of an apple). The SI unit of pressure is the pascal
(Pa), which equals a force of one newton exerted on an area of one square meter:

1 Pa =1N/m?

A much larger unit is the standard atmosphere (atm), the average atmospheric pres-
sure measured at sea level and 0°C. It is defined in terms of the pascal:
1 atm = 101.325 kilopascals (kPa) = 1.01325X10° Pa
Another common unit is the millimeter of mercury (mmHg), mentioned earlier; in
honor of Torricelli, this unit has been renamed the torr:
Itorr = | mmHg = ——atm = 101325
760 760

The bar is coming into more common use in chemistry:

1 bar = 1X10*kPa = 1X10° Pa

kPa = 133.322 Pa
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Table 5.1 Common Units of Pressure

Normal Atmospheric Pressure

Unit at Sea Level and 0°C

pascal (Pa); kilopascal (kPa) 1.01325%10° Pa; 101.325 kPa
atmosphere (atm) 1 atm*

millimeters of mercury (mmHg) 760 mmHg*

torr 760 torr*

pounds per square inch (Ib/in? or psi) 14.7 1b/in?

bar 1.01325 bar

*This is an exact quantity; in calculations, we use as many significant figures as necessary.

Despite a gradual change to SI units, many chemists still express pressure in torrs
and atmospheres, so those units are used in this book, with reference to pascals and
bars. Table 5.1 lists some important pressure units with the corresponding values for
normal atmospheric pressure.

~

Sample (LI RRN Converting Units of Pressure J

Problem A geochemist heats a limestone (CaCO,) sample and collects the CO, released
in an evacuated flask. After the system comes to room temperature, Ak = 291.4 mmHg.
Calculate the CO, pressure in torrs, atmospheres, and kilopascals.

Plan The CO, pressure is given in units of mmHg, so we construct conversion factors
from Table 5.1 to find the pressure in the other units.

Solution Converting from mmHg to torr:

1t
Peo, (torr) = 291.4 mmHg X li — 2914 torr

Converting from torr to atm:

1 atm
Pco, (atm) = 291.4 torr X 760 = 0.3834 atm
Converting from atm to kPa:
101.325 kPa
Pco, (kPa) = 0.3834 atm X T 38.85 kPa

Check There are 760 torr in 1 atm, so ~300 torr should be <0.5 atm. There are
~100 kPa in 1 atm, so <0.5 atm should be <50 kPa.

Comment 1. In the conversion from torr to atm, we retained four significant figures
because the conversion factor (1 atm = 760 torr) is an exact number and has as many
significant figures as required (see the footnote on Table 5.1).

2. From here on, except in complex situations, unit canceling will no longer be shown in
equations.

FOLLOW-UP PROBLEM 5.1 The CO, released from another mineral sample is collected
in an evacuated flask, and the measured PCO2 is 579.6 torr. What is this pressure in
torrs, pascals, and 1b/in??

@ Summary of Section 5.2

e Gases exert pressure (force/area) on all surfaces they contact.

e A barometer measures atmospheric pressure based on the height of a mercury
column that the atmosphere can support (760 mmHg at sea level and 0°C).

e Pressure units include the atmosphere (atm), torr (identical to mmHg), and pascal
(Pa, the Sl unit).
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5.3 ¢ THE GAS LAWS AND THEIR EXPERIMENTAL
FOUNDATIONS

The physical behavior of a sample of gas can be described completely by four vari-
ables: pressure (P), volume (V), temperature (7)), and amount (number of moles, n).
These variables are interdependent, which means that any one of them can be deter-
mined by measuring the other three. Three key relationships exist among the four gas
variables—Boyle’s, Charles’s, and Avogadro’s laws. Each of these gas laws expresses
the effect of one variable on another, with the remaining two variables held constant.
Because volume is so easy to measure, the laws are expressed as the effect on gas
volume of a change in the pressure, temperature, or amount of the gas.

The individual gas laws are special cases of a unifying relationship called the ideal
gas law, which quantitatively describes the behavior of an ideal gas, one that exhibits
linear relationships among volume, pressure, temperature, and amount. Although no
ideal gas actually exists, most simple gases behave nearly ideally at ordinary tem-
peratures and pressures. We discuss the ideal gas law after the three individual laws.

The Relationship Between Volume and Pressure: Boyle's Law

Following Torricelli’s invention of the barometer, the great 17%-century English chem-
ist Robert Boyle studied the effect of pressure on the volume of a sample of gas.

1. The experiment. Figure 5.4 illustrates the setup Boyle might have used in his
experiments (parts A and B), the data he might have collected (part C), and graphs
of the data (parts D and E). Boyle sealed the shorter leg of a J-shaped glass tube and
poured mercury into the longer open leg, thereby trapping some air (the gas in the
experiment) in the shorter leg. He calculated the gas volume (V,, ) from the height of
the trapped air and the diameter of the tube. The total pressure, P, applied to the
trapped gas is the pressure of the atmosphere, P, (760 mm, measured with a barom-
eter), plus the difference in the heights of the mercury columns (Ah) in the two legs
of the J tube, 20 mm (Figure 5.4A); thus, P, is 780 torr. By adding mercury, Boyle
increased P, and the gas volume decreased. In Figure 5.4B, more mercury has been
added to the longer leg of the tube, increasing Ah to 800 mm, so P, doubles to
1560 torr; note that V,,, is halved from 20 mL to 10 mL. In this way, by keeping the
temperature and amount of gas constant, Boyle was able to measure the effect of the
applied pressure on gas volume.

Note the following results in Figure 5.4:

e The product of corresponding P and V values is a constant (part C, rightmost column).

e Vs inversely proportional to P (part D).

* Vs directly proportional to 1/P (part E), and a plot of V versus 1/P is linear. This
linear relationship between two gas variables is a hallmark of ideal gas behavior.
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Figure 5.4 Boyle's law, the relationship
between the volume and pressure of a gas.

Fatm V(L) P (torr) 1 PV
Pym o Ah + Pym = Pog | Flotal (torrsmL)
v 200 |20.0 760 780 [0.00128 | 1.56x10%
( 15.0 278 760 1038 |0.000963| 1.56x10%
- Hg is added until Ah is 10.0 800 760 1560 |0.000641| 1.56x10%
800 mm: Pog doubles, | 5.0 2352 760 3112 |0.000321 1.56x10%
so Vis halved.
Gas sample
(trapped air) 'y
V=20mL ~ 20 520
Ah =800 mm £ £
I / P 15 5 15
510 510
(e} (e}
y = 5 > 5 4
____ : ___ﬂ —Ah=20mm
a\ 0 T T T 0 T T T
1000 2000 3000 0.0005 0.0010 0.0015
A Piotai = RBm + Ah B Piota = Fatm + Ah D Piotal (torr) E 1 (orr =)
=760 torr + 20 torr = 760 torr + 800 torr Protal
=780 torr = 1560 torr
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2. Conclusion and statement of the law. The generalization of Boyle’s observa-
tions is known as Boyle’s law: at constant temperature, the volume occupied by a
fixed amount of gas is inversely proportional to the applied (external) pressure, or

V o % [T and n fixed] (5.1)

This relationship can also be expressed as

_ constant
P

PV = constant or [T and n fixed]

That is, at fixed 7 and n,
Pt, V| and P, Vi

The constant is the same for most simple gases under ordinary conditions. Thus, tri-
pling the external pressure reduces the volume of a gas to a third of its initial value;
halving the pressure doubles the volume; and so forth.

The wording of Boyle’s law focuses on external pressure. But notice that, as
mercury is added, the mercury level rises until the pressure of the trapped gas on
the mercury increases enough to stop its rise. At that point, the pressure exerted on
the gas equals the pressure exerted by the gas (Py,). Thus, in general, if V,, increases,
P, decreases, and vice versa.

gas

The Relationship Between Volume and Temperature:
Charles’s Law

Boyle’s work showed that the pressure-volume relationship holds only at constant tem-
perature, but why should that be so? It would take more than a century, until the work of
French scientists J. A. C. Charles and J. L. Gay-Lussac around 1800, for the relationship
between gas volume and temperature to be understood.

1. The experiment. Let’s examine this relationship by measuring the volume at
different temperatures of a fixed amount of a gas under constant pressure. A straight
tube, closed at one end, traps a fixed amount of gas (air) under a small mercury plug.
The tube is immersed in a water bath that is warmed with a heater or cooled with ice.
After each change of temperature, we measure the length of the gas column, which is
proportional to its volume. The total pressure exerted on the gas is constant because the
mercury plug and the atmospheric pressure do not change (Figure 5.5, parts A and B).

Figure 5.5C shows some typical data. Consider the red line, which shows how the
volume of 0.04 mol of gas at 1 atm pressure changes with temperature. Extrapolating
that line to lower temperatures (dashed portion) shows that, in theory, the gas occupies
zero volume at —273.15°C (the intercept on the temperature axis). Plots for a different
amount of gas (green) or a different gas pressure (blue) have different slopes, but they
all converge at this temperature, called absolute zero (0 K, or —273.15°C). And this
linear relation between gas volume and absolute temperature holds for most common
gases over a wide temperature range.

2. Conclusion and statement of the law. Note that, unlike the relationship between
volume and pressure, this linear relationship between volume and temperature is
directly proportional. This behavior is incorporated into the modern statement of
the volume-temperature relationship, which is known as Charles’s law: ar constant
pressure, the volume occupied by a fixed amount of gas is directly proportional to
its absolute (Kelvin) temperature, or

Vo T [P and n fixed] (5.2)

This relationship can also be expressed as

1%
T = constant or V = constant X T [P and n fixed]

That is, at fixed P and n,
Tt, V1t and T, V|
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Thermometer Heating coil
O o) 307
The volume b
Fatm E of gas Batm a
V | increases = i
| - athigherT. | -
Glass L 2.0
tube -
s @
IS
>
Mercury plug 1.0
plus Patm
maintains o
constant Py e
total o o - n=0.04 mol
Trapped air ,/’/,/_’__——’ P=4 atm
(gas) sample — T T T T T T T
—273 -200 -100 O 100 200 300 400 500 (°C)
\
== 0 73 173 273 373 473 573 673 773 (K)
A Ice water bath B Boiling water bath C Temperature

(0°C, or 273 K) (100°C, or 373 K)

Figure 5.5 Charles’s law, the relationship between the volume and temperature of a gas.

If T increases, V increases, and vice versa. Once again, for any given P and n, the
constant is the same for most simple gases under ordinary conditions.

The dependence of gas volume on the absolute temperature means that you must
use the Kelvin scale in gas law calculations. For instance, if the temperature changes
from 200 K to 400 K, the volume of gas doubles. But, if the temperature changes
from 200°C to 400°C, the volume increases by a factor of 1.42; that is,

400°C +273.15\ _ 673 _
200°C +273.15) 473

Other Relationships Based on Boyle’s and Charles’s Laws Two other important
relationships arise from Boyle’s and Charles’s laws:

1. The pressure-temperature relationship. Charles’s law is expressed as the effect
of temperature on gas volume at constant pressure. But volume and pressure are inter-
dependent, so a similar relationship can be expressed for the effect of temperature
on pressure (sometimes referred to as Amontons’s law). Measure the pressure in your
car or bike tires before and after a long ride, and you’ll find that it increases. Heat-
ing due to friction between the tires and the road increases the air temperature inside
the tires, but since a tire’s volume can’t increase very much, the air pressure does.
Thus, at constant volume, the pressure exerted by a fixed amount of gas is directly
proportional to the absolute temperature:

PoxT [V and n fixed] (5.3)
or

P
? = constant or P = constant X T

That is, at fixed V and n,
Tt, Pt and T\, P\

2. The combined gas law. Combining Boyle’s and Charles’s laws gives the com-
bined gas law, which applies to cases when changes in two of the three variables
(V. P. T) affect the third:

T PV
Vx ; or V = constant X ; or 7 = constant
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V { ]
— s — |
| atm —0.20 mol

Fatm | R
v J Fyas —0.10 mol \ J CO4(g)
) eV J COx(9) . : Va=2xV
b - oy \.'N - - — ’\ n .
A '~ 0.10 mol i B 1,#—0.20 mol )
“ solid CO, (ny) = = solid CO, (ny) '

Figure 5.6 The relationship between the
volume and amount of a gas. The Relationship Between Volume and Amount: Avogadro’s Law

Let’s see why both Boyle’s and Charles’s laws specify a fixed amount of gas.

1. The experiment. Figure 5.6 shows an experiment that involves two small test
tubes, each fitted to a much larger piston-cylinder assembly. We add 0.10 mol (4.4 g)
of dry ice (solid CO,) to the first tube (A) and 0.20 mol (8.8 g) to the second tube
(B). As the solid CO, warms to room temperature, it changes to gaseous CO,, and
the volume increases until P, = P, At constant temperature, when all the solid
has changed to gas, cylinder B has twice the volume of cylinder A.

2. Conclusion and statement of the law. Thus, at fixed temperature and pressure,
the volume occupied by a gas is directly proportional to the amount (mol) of gas:

Von [P and T fixed] (5.4)

That is, as n increases, V increases, and vice versa. This relationship is also expressed as

— = constant or V = constant X n
n

That is, at fixed P and T,
nt, Vi and nl, Vi

The constant is the same for all simple gases at ordinary temperature and pressure.
This relationship is another way of expressing Avogadro’s law, which states that ar
fixed temperature and pressure, equal volumes of any ideal gas contain equal numbers
of particles (or moles).

Familiar Applications of the Gas Laws The gas laws apply to countless familiar
phenomena: gasoline burning in a car engine, dough rising and baking—even the
act of breathing (Figure 5.7). When you inhale, the downward movement of your
diaphragm and the expansion of your rib cage increase your lung volume, which
decreases the air pressure inside, so air rushes in (Boyle’s law). The greater amount
of air stretches the lung tissue, which expands the volume further (Avogadro’s law),

T and the air expands slightly as it warms to body temperature (Charles’s law). When
g you exhale, these steps occur in reverse.
«Q
[0}
~  Gas Behavior at Standard Conditions
To better understand the factors that influence gas behavior, chemists have assigned a
Diaphragm  Diaphragm baseline set of standard conditions called standard temperature and pressure (STP):
down up
STP:  0°C (273.15 K) and 1 atm (760 torr) (5.5)
Figure 5.7 The process of breathing » . .
applies the gas laws. Under these conditions, the volume of 1 mol of an ideal gas is called the standard
molar volume:
Standard molar volume = 22.4141 L or 22.4 L [to 3 sf] (5.6)
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n=1mol

n=1mol

n=1mol

P =1 atm (760 torr)

P =1 atm (760 torr)

P =1 atm (760 torr)

T=0°C (273 K)

T=0°C (273 K)

T=0°C (273 K)

V=224L V=2241L V=224L
Number of gas particles Number of gas particles Number of gas particles
=6.022x10%3 =6.022x10%3 =6.022x10%3
Mass = 4.003 g Mass = 28.02 g Mass = 32.00 g
d=0.179 g/L d=1.25g/L d=1.43¢g/L

Figure 5.8 Standard molar volume. One mole of an ideal gas occupies 22.4 L at STP (0°C and
1 atm).

Figure 5.8 compares the properties of 1 mol of three simple gases—helium, nitrogen,
and oxygen—at STP. Note that they differ only in terms of mass and, thus, density.
Figure 5.9 compares the volumes of some familiar objects with the standard molar
volume of an ideal gas.

The Ideal Gas Law

Each of the three gas laws shows how one of the three other gas variables affects
gas volume:

e Boyle’s law focuses on pressure (V o« 1/P).
e Charles’s law focuses on temperature (V o T)).
* Avogadro’s law focuses on amount (mol) of gas (V « n).

By combining these individual effects, we obtain the ideal gas law (or ideal gas
equation):

nT PV
Vo — or PV « nT or — =
P nT
where R is a proportionality constant known as the universal gas constant. Rear-
ranging the equation on the right above gives the most common form of the ideal
gas law:

R

Figure 5.9 The volumes of 1 mol (22.4 L)
of an ideal gas and of some familiar
objects: 1 gal of milk (3.79 L), a basket-

ball (7.50 L), and 2.00 L of a carbonated
PV = nRT 5.7)  drink.

We obtain a value of R by measuring the volume, temperature, and pressure of a
given amount of gas and substituting the values into the ideal gas law. For example,
using standard conditions for the gas variables and 1 mol of gas, we have

PV latm X 224141 L tm-L 'L
== = 0.082058 = = 0.0821 ~—

= [to 3 sf] (5.8)
nT 1 mol X 273.15 K mol-K mol-K

This numerical value of R corresponds to P, V, and T expressed in these units; R has
a different numerical value when different units are used. For example, on p. 174, R
has the value 8.314 J/mol-K (J stands for joule, the SI unit of energy).
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IDEAL GAS LAW

PV=nRT or v=NBT

fixed fixed P fixed
nand T nand P Pand T

Boyle’s law Charles’s law Avogadro’s law
v = constant
= P V=constant x T V =constant X n

.

Figure 5.10 The individual gas laws as special cases of the ideal gas law.

Figure 5.10 makes a central point: the ideal gas law becomes one of the individual
gas laws when two of the four variables are kept constant. When initial conditions
(subscript 1) change to final conditions (subscript 2), we have

PV, =mRT, and P,V, = n,RT,

PV, PV,
Thus =R and =R
T n, T,
PV, BV,
SO — =
T n, T,

Notice that if, for example, the two variables P and T remain constant, then P, = P, and
T, = T,, and we obtain an expression for Avogadro’s law:
PV, PV, Vi_V
— = — or — =
m Ty nyTy n n
As you’ll see next, you can use a similar approach to solve gas law problems.
Thus, by keeping track of the initial and final values of the gas variables, you avoid
the need to memorize the three individual gas laws.

Solving Gas Law Problems

Gas law problems are stated in many ways but are usually one of two types:

1. A change in one of the four variables causes a change in another, while the two
other variables remain constant. In this type, the ideal gas law reduces to one of the
individual gas laws, and you solve for the new value of the affected variable. Units must
be consistent and 7 must always be in kelvins, but R is not involved. Sample Problems
5.2t0 5.4 and 5.6 are of this type. [A variation on this type involves the combined gas law
(p. 156) when simultaneous changes in two of the variables cause a change in a third.]

2. One variable is unknown, but the other three are known and no change occurs.
In this type, exemplified by Sample Problem 5.5, you apply the ideal gas law directly to
find the unknown, and the units must conform to those in R.

Solving these problems requires a systematic approach:

e Summarize the changing gas variables—knowns and unknown—and those held
constant.

e Convert units, if necessary.

* Rearrange the ideal gas law to obtain the needed relationship of variables, and solve
for the unknown.
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Sample Problem 5.2 Applying the Volume-Pressure Relationship

}

Problem Boyle’s apprentice finds that the air trapped in a J tube occupies 24.8 cm?® at
1.12 atm. By adding mercury to the tube, he increases the pressure on the trapped air
to 2.64 atm. Assuming constant temperature, what is the new volume of air (in L)?

Plan We must find the final volume (V,) in liters, given the initial volume (V)), initial
pressure (P,), and final pressure (P,). The temperature and amount of gas are fixed.
We convert the units of V, from c¢m?® to mL and then to L, rearrange the ideal gas law
to the appropriate form, and solve for V,. (Note that the road map has two parts.)

Solution Summarizing the gas variables:

P, = 1.12 atm P, = 2.64 atm
V, = 24.8 cm’ (convert to L) V, = unknown T and n remain constant

Converting V, from cm? to L:
1 mL 1L

X ——— = 0.0248 L
1 cm? 1000 mL

V, = 24.8 cm® X

Rearranging the ideal gas law and solving for V,: At fixed n and 7, we have

PV, BV,
= or P1V1 = P2V2
nfr  nyly
P, 1.12 atm
V, =V, X—=00248L X —— = 0.0105L
P, 2.64 atm

so V, should be less than %V, (0.0105/0.0248 < %).

Comment Predicting the direction of the change provides another check on the problem
setup: Since P increases, V will decrease; thus, V, should be less than V. To make

V, < V,, we must multiply V, by a number less than 1. This means the ratio of
pressures must be less than 1, so the larger pressure (P,) must be in the denominator,
or P/P,.

FOLLOW-UP PROBLEM 5.2 A sample of argon gas occupies 105 mL at 0.871 atm. If the
L temperature remains constant, what is the volume (in L) at 26.3 kPa?

Check The relative values of P and V can help us check the math: P more than doubled,

Sample Problem 5.3 Applying the Pressure-Temperature Relationship

]

and placed in boiling water 100.°C. Will the safety valve open?

Plan The question “Will the safety valve open?” translates to “Is P, greater than
1.00x103 torr at T,?7” Thus, P, is the unknown, and 7, 75, and P, are given, with V
(steel tank) and n fixed. We convert both T values to kelvins and P, to torrs in order to
compare P, with the safety-limit pressure. We rearrange the ideal gas law and solve
for P,.

Solution Summarizing the gas variables:
P, = 0.991 atm (convert to torr) P, = unknown
T, = 23°C (convert to K) T, = 100.°C (convert to K)
V and n remain constant

Converting T from °C to K:
T, (K) = 23°C + 273.15 = 296 K T, (K) = 100.°C + 273.15 = 373 K

Converting P from atm to torr:
760 torr

= 753 torr

P, (torr) = 0.991 atm X
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Problem A steel tank used for fuel delivery is fitted with a safety valve that opens if the
internal pressure exceeds 1.00X 103 torr. It is filled with methane at 23°C and 0.991 atm

159
Road Map
Vi (em®) —
1 1em®=1mL
f ) unit
o) conversion
1 1000mL =1L
[
Vi (L) j
multiply by P4/Ps gas law
calculation

Road Map

V2 (L) ‘ J

I N s

P4 (atm) T; and T, (°C)

~

1atm = °C + 273.15
760 torr

C N\

P4 (torr) T; and T, (K)

l multiply by J

Tol T4

P (torr)

D ————
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Road Map

nq (mol) of He

multiply by Vao/ V4

n, (mol) of He

1 subtract ny

Nagq' (Mol) of He

1 multiply by it (g/mol)

Mass (g) of He
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Rearranging the ideal gas law and solving for P,: At fixed n and V, we have
PV PV, R

= or it
nrl myT) T, T,

P, =P x L2 753 torr X S0 K
= I orr
R 296 K

P, is less than 1.00X 103 torr, so the valve will not open.

= 949 torr

Check Let’s predict the change to check the math: Because 7, > T, we expect P, > P,.
Thus, the temperature ratio should be >1 (7, in the numerator). The T ratio is about
1.25 (373/296), so the P ratio should also be about 1.25 (950/750 =~ 1.25).

FOLLOW-UP PROBLEM 5.3 An engineer pumps air at 0°C into a newly designed piston-
cylinder assembly. The volume measures 6.83 cm?. At what temperature (in K) will the
volume be 9.75 cm3?

/

Sample Problem 5.4 Applying the Volume-Amount Relationship J

Problem A scale model of a blimp rises when it is filled with helium to a volume of
55.0 dm’. When 1.10 mol of He is added to the blimp, the volume is 26.2 dm?. How
many more grams of He must be added to make it rise? Assume constant 7" and P.

Plan We are given the initial amount of helium (n,), the initial volume of the blimp
(V}), and the volume needed for it to rise (V,), and we need the additional mass of
helium to make it rise. So we first need to find n,. We rearrange the ideal gas law to
the appropriate form, solve for n,, subtract n; to find the additional amount (7,4,,), and
then convert moles to grams.

Solution Summarizing the gas variables:
n; = 1.10mol  n, = unknown (find, and then subtract n,)
V, =262dm*> V, =550dm’
P and T remain constant

Rearranging the ideal gas law and solving for n,: At fixed P and 7, we have

PV BV, Vi_V
n Ty s n ny
V. 55.0 dm’
ny = ny X 72 — 110 mol He X 2>~ — 2 31 mol He
1 5 m

Finding the additional amount of He:

Nagq1 = N, — 1y = 2.31 mol He — 1.10 mol He = 1.21 mol He
Converting amount (mol) of He to mass (g):
4.003 g He
Mass (g) of He = 1.2l molHe X ————— = 4.84 g He
1 mol He

Check We predict that n, > n, because V, > V,: since V, is about twice V, (55/26 = 2),
n, should be about twice n, (2.3/1.1 = 2). Since n, > n,;, we were right to multiply n,
by a number >1 (that is, V,/V,). About 1.2 mol X 4 g/mol = 4.8 g.

Comment 1. A different sequence of steps will give the same answer: first find the
additional volume (V441 = V, — V), and then solve directly for n,,4,. Try it yourself.
2. You saw that Charles’s law (V o« T at fixed P and n) becomes a similar relationship
between P and T at fixed V and n. The follow-up problem demonstrates that Avogadro’s
law (V « n at fixed P and T') becomes a similar relationship at fixed V and T.

FOLLOW-UP PROBLEM 5.4 A rigid plastic container holds 35.0 g of ethylene gas (C,H,) at
a pressure of 793 torr. What is the pressure if 5.0 g of ethylene is removed at constant
temperature?
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Sample (IR Solving for an Unknown Gas Variable at Fixed Conditions J

Problem A steel tank has a volume of 438 L and is filled with 0.885 kg of O,. Calculate
the pressure of O, at 21°C.

Plan We are given V, T, and the mass of O,, and we must find P. Since conditions are
not changing, we apply the ideal gas law without rearranging it. We use the given V in
liters, convert T to kelvins and mass (kg) of O, to amount (mol), and solve for P.

Solution Summarizing the gas variables:
V =438L T = 21°C (convert to K)
n = 0.885 kg O, (convert to mol) P = unknown
Converting T from °C to K:
T (K) = 21°C + 273.15 = 294 K
Converting from mass (g) of O, to amount (mol):

— molof O, = 0.885 ke O, x 12008 1molO _ .. o
7T MOTOTL, =S KEM kg T 3200g0, - 'TMOT:

Solving for P (note the unit canceling here):

277 mot x 0.0821 “E « sosk
nRT mel K
v 438 &
= 1.53 atm

Check The amount of O, seems correct: ~900 g/(30 g/mol) = 30 mol. To check the
approximate size of the final calculation, round off the values, including that for R:

atm-L
30 mol O, X 0.1 X 300 K
mol-K

P = 150 L = 2 atm

which is reasonably close to 1.53 atm.

FOLLOW-UP PROBLEM 5.5 The steel tank in the sample problem develops a slow leak that
is discovered and sealed. A pressure gauge fitted on the tank shows the new pressure is
1.37 atm. How many grams of O, remain?

Finally, in a picture problem, we apply the gas laws to determine the balanced
equation for a gaseous reaction.

Sample (VLN Using Gas Laws to Determine a Balanced Equation

‘ /

Problem The piston-cylinder below is depicted before and after a gaseous reaction that
is carried out in it at constant pressure: the temperature is 150 K before and 300 K after

the reaction. (Assume the cylinder is insulated.)

After

300 K
Which of the following balanced equations describes the reaction?
(1) Ay(g) + By(g) —> 2AB(g)
(2) 2AB(g) + By(g) —> 2ABs(g)

(3) A(g) + By(g) — ABs(g)
(4) 2ABy(g) — Ax(g) + 2By(2)
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Plan We are shown a depiction of the volume and temperature of a gas mixture before
and after a reaction and must deduce the balanced equation. The problem says that P
is constant, and the picture shows that, when 7 doubles, V stays the same. If n were
also constant, Charles’s law tells us that V should double when T doubles. But, since V
does not change, n cannot be constant. From Avogadro’s law, the only way to maintain
V constant, with P constant and 7" doubling, is for n to be halved. So we examine the
four balanced equations and count the number of moles on each side to see in which
equation n is halved.

Solution In equation (1), n does not change, so doubling T would double V.

In equation (2), n decreases from 3 mol to 2 mol, so doubling 7 would increase V

by one-third.

In equation (3), n decreases from 2 mol to 1 mol. Doubling 7 would exactly balance
the decrease from halving n, so V would stay the same.

In equation (4), n increases, so doubling 7 would more than double V.

Therefore, equation (3) is correct:

A(g) + By(g) —> ABs(g)

FOLLOW-UP PROBLEM 5.6 The piston-cylinder below shows the volumes of a gaseous
reaction mixture before and after a reaction that takes place at constant pressure and an

initial temperature of —73°C.

= .
Before ‘ After
-73°C 740 J

If the unbalanced equation is CD(g) — C,(g) + D,(g), what is the final temperature
(in °C)?

@ Summary of Section 5.3

e Four interdependent variables define the physical behavior of an ideal gas: volume
(V), pressure (P), temperature (T), and amount (number of moles, n).

e Most simple gases display nearly ideal behavior at ordinary temperatures and
pressures.

e Boyle’s, Charles’s, and Avogadro’s laws refer to the linear relationships between the
volume of a gas and the pressure, temperature, and amount of gas, respectively.

e At STP (0°C and 1 atm), 1 mol of an ideal gas occupies 22.4 L.

e The ideal gas law incorporates the individual gas laws into one equation: PV =
nRT, where R is the universal gas constant.

5.4 - REARRANGEMENTS OF THE IDEAL GAS LAW

In this section, we mathematically rearrange the ideal gas law to find gas density,
molar mass, the partial pressure of each gas in a mixture, and the amount of gaseous
reactant or product in a reaction.

The Density of a Gas

One mole of any gas behaving ideally occupies the same volume at a given temperature
and pressure, so differences in gas density (d = m/V) depend on differences in molar
mass (see Figure 5.8). For example, at STP, 1 mol of O, occupies the same volume as
1 mol of N,; however, O, is denser because each O, molecule has a greater mass

32.00
(32.00 amu) than each N, molecule (28.02 amu). Thus, d of O, is 23.02 X dof N,.
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We can rearrange the ideal gas law to calculate the density of a gas from its molar
mass. Recall that the number of moles (n) is the mass (m) divided by the molar mass
(M), n = m/M. Substituting for n in the ideal gas law gives

PV =""RT
J
Rearranging to isolate m/V gives
M X P
2= (5.9)
\% RT

Two important ideas are expressed by Equation 5.9:

o The density of a gas is directly proportional to its molar mass. The volume of a
given amount of a heavier gas equals the volume of the same amount of a lighter gas
(Avogadro’s law), so the density of the heavier gas is higher (as you just saw for O,
and N,).

o The density of a gas is inversely proportional to the temperature. As the volume of a
gas increases with temperature (Charles’s law), the same mass occupies more space,
so the density of the gas is lower.

We use Equation 5.9 to find the density of a gas at any temperature and pressure near
standard conditions.

N IELRWE  Calculating Gas Density

A/

Problem A chemical engineer uses waste CO, from a manufacturing process, instead
of chlorofluorocarbons, as a “blowing agent” in the production of polystyrene. Find
the density (in g/L) of CO, and the number of molecules per liter (a) at STP (0°C
and 1 atm) and (b) at room conditions (20.°C and 1.00 atm).

Plan We must find the density (d) and the number of molecules of CO,, given two sets
of P and T data. We find .M, convert T to kelvins, and calculate d with Equation 5.9.
Then we convert the mass per liter to molecules per liter with Avogadro’s number.

Solution (a) Density and molecules per liter of CO, at STP. Summary of gas properties:
T =0°C + 273.15 = 273K P =1atm A of CO, = 44.01 g/mol
Calculating density (note the unit canceling here):

M X P 44.01 g/met X 1.00 atm

RT atm-L
0.0821

d = 1.96 g/L

X 273 k

Converting from mass/L to molecules/L:

1.96 g CO, » 1 mol CO, « 6.022X 10* molecules CO,
1L 44.01 g CO, 1 mol CO,

= 2.68X10? molecules CO,/L

Molecules CO,/L. =

(b) Density and molecules of CO, per liter at room conditions. Summary of gas
properties:
T =20°C + 273.15 = 293K P =1.00atm Jl of CO, = 44.01 g/mol
Calculating density:
_ M X P 4401 g/mol X 1.00 atm

RT atm-L
0.0821 X X 293 K

= 1.83¢g/L

mol-
Converting from mass/L to molecules/L:

1.83gCO, 1 mol CO, » 6.022X10* molecules CO,
1L 44.01 g CO, 1 mol CO,

= 2.50X10? molecules CO,/L

Molecules CO,/L =
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Check Round off to check the density values; for example, in (a), at STP:
50 g/mol X 1 atm

=2g/L = 196 g/L
atm-L J £

mol-K

0.1 X 250K
At the higher temperature in (b), the density should decrease, which can happen only
if there are fewer molecules per liter, so the answer is reasonable.

Comment 1. An alternative approach for finding the density of most simple gases, but ar
STP only, is to divide the molar mass by the standard molar volume, 22.4 L:

d= M 44.01 g/mol A

TV 24Lmol 08

Then, once you know the density at one temperature (0°C), you can find it at any other tem-
perature with the following relationship: d,/d, = T,/T,.
2. Note that we have different numbers of significant figures for the pressure values.
In (a), “1 atm” is part of the definition of STP, so it is an exact number. In (b), “1.00 atm”
is specified to allow three significant figures in the answer.

FOLLOW-UP PROBLEM 5.7 Compare the density of CO, at 0°C and 380. torr with its density
at STP.

The Molar Mass of a Gas

Through another rearrangement of the ideal gas law, we can determine the molar mass
of an unknown gas or a volatile liquid (one that is easily vaporized):

m PV mRT
n—ﬁ—ﬁ SO M_W (510)

Notice that this equation is just a rearrangement of Equation 5.9.

Sample (ICUREN Finding the Molar Mass of a Volatile Liquid J

Problem An organic chemist isolates a colorless liquid from a petroleum sample.

She places the liquid in a preweighed flask and puts the flask in boiling water, which
vaporizes the liquid and fills the flask with gas. She closes the flask and reweighs it. She
obtains the following data:

Volume (V) of flask = 213 mL T = 100.0°C P = 754 torr
Mass of flask + gas = 78.416 g Mass of flask = 77.834 g
Calculate the molar mass of the liquid.

Plan We are given V, T, P, and mass data and must find the molar mass (M) of the
liquid. We convert V to liters, T to kelvins, and P to atmospheres, find the mass of
gas by subtracting the mass of the flask from the mass of the flask plus gas, and use
Equation 5.10 to calculate J.

Solution Summarizing and converting the gas variables:

V(L) =213mL X = 0.213L T (K) = 100.0°C + 273.15 =3732K

1000 mL
1 atm
P (atm) = 754 torr X = 0.992 atm m="T78416g — 77.834g=10.582¢
760 torr
Calculating JM:
atm-L
0.582 g X 0.0821 X 3732K
M_mRT_ mol-K — 844 o/mol
PV 0.992 atm X 0213 L. ——
Check Rounding to check the arithmetic, we have
atm-L
0.6 g X 0.08 X X 375K
mol+ L
Latm X 02 L = 90 g/mol (which is close to 84.4 g/mol)

STUDENTS-HUB.com Uploaded By: anonymous


https://students-hub.com

5.4 e Rearrangements of the Ideal Gas Law 165

FOLLOW-UP PROBLEM 5.8 An empty 149-mL flask weighs 68.322 g before a sample
of volatile liquid is added. The flask is then placed in a hot (95.0°C) water bath; the
barometric pressure is 740. torr. The liquid vaporizes and the gas fills the flask. After
cooling, flask and condensed liquid together weigh 68.697 g. What is the molar mass
of the liquid?

The Partial Pressure of Each Gas in a Mixture of Gases

The gas behaviors we’ve discussed so far were observed in experiments with air,
which is a mixture of gases; thus, the ideal gas law holds for virtually any simple
gas at ordinary conditions, whether pure or a mixture, because

* Gases mix homogeneously (form a solution) in any proportions.
» Each gas in a mixture behaves as if it were the only gas present (assuming no chemi-
cal interactions).

Dalton’s Law of Partial Pressures The second point above was discovered by
John Dalton. During a nearly lifelong study of humidity, he observed that when water
vapor is added to dry air, the total air pressure increases by the pressure of the water
vapor:

Phumid air Pdry air + Padded water vapor

He concluded that each gas in the mixture exerts a partial pressure equal to the
pressure it would exert by itself. Stated as Dalton’s law of partial pressures, his
discovery was that in a mixture of unreacting gases, the total pressure is the sum of
the partial pressures of the individual gases:

Byun = 9 5= 18y F P s (5.11)

As an example, suppose we have a tank of fixed volume that contains nitrogen
gas at a certain pressure, and we introduce a sample of hydrogen gas into the tank.
Each gas behaves independently, so we can write an ideal gas law expression for
each:

ny RT ny RT
2 2
Py, = v and Py, = "

Because each gas occupies the same total volume and is at the same temperature,
the pressure of each gas depends only on its amount, n. Thus, the total pressure is

B B nNzRT nHZRT . (nNz + I’le)RT _ nlolalRT
Ptotz\l_PNz+PHz_ \% + \% N \% \%

where R, = ny, T ny,.

Each component in a mixture contributes a fraction of the total number of moles
in the mixture; this portion is the mole fraction (X) of that component. Multiplying
X by 100 gives the mole percent. The sum of the mole fractions of all components
must be 1, and the sum of the mole percents must be 100%. For N, in our mixture,
the mole fraction is

ny, ny,

Xy, = =2
N,
Niotal ny, + Ny,

If the total pressure is due to the total number of moles, the partial pressure of gas A
is the total pressure multiplied by the mole fraction of A, X,:

PA = XA X Ptotal (5-12)

Equation 5.12 is a very useful result. To see that it is valid for the mixture of N, and
H,, we recall that XNz + XH2 = 1; then we obtain

Ptotal = PN2 + PH2 = (XNZ X Plolal) + (XHZ X Ptotal) = (XNZ + XHZ)Ptotal =1X Ptotal
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Road Map

Mole % of '80,

divide by 100

~

Mole fraction, X,,302

1 multiply by Piotal

-

~

Partial pressure, P1802

Table 5.2 Vapor Pressure
of Water (P, ;) at Different T

T (°C) Pypltorr) T (°C) Py (torr)

0 4.6 40
5 6.5 45
10 9.2 50
12 10.5 55
14 12.0 60
16 13.6 65
18 15.5 70
20 17.5 75
22 19.8 80
24 224 85
26 252 90
28 28.3 95
30 31.8 100
35 422

55.3

71.9

92.5
118.0
149.4
187.5
233.7
289.1
355.1
433.6
525.8
633.9
760.0

J

Sample Problem 5.9 Applying Dalton’s Law of Partial Pressures

Problem To study O, uptake by muscle at high altitude, a physiologist prepares an atmo-
sphere consisting of 79 mole % N,, 17 mole % '°0,, and 4.0 mole % '80,. (The isotope
130 will be measured to determine O, uptake.) The total pressure is 0.75 atm to simulate
high altitude. Find the mole fraction and partial pressure of '30, in the mixture.

Plan We must find X, and Pisy, from Py, (0.75 atm) and the mole % of '*O, (4.0).
Dividing the mole % by 100 gives the mole fraction, Xis,. Then, using Equation 5.12,
we multiply Xisg, by Py to find Pisg,.

Solution Calculating the mole fraction of '#0,:
4.0 mol % '*0,

Xitg, = = o = 0.040

Solving for the partial pressure of '80,:
P1802 = X1802 X P = 0.040 X 0.75 atm = 0.030 atm

Check Xuso2 is small because the mole % is small, so P1802 should be small also.

Comment At high altitudes, specialized brain cells that are sensitive to O, and CO,
levels in the blood trigger an increase in rate and depth of breathing for several days,
until a person becomes acclimated.

FOLLOW-UP PROBLEM 5.9 To prevent the presence of air, noble gases are placed over
highly reactive chemicals to act as inert “blanketing” gases. A chemical engineer puts
a mixture of noble gases consisting of 5.50 g of He, 15.0 g of Ne, and 35.0 g of Kr
in a piston-cylinder assembly at STP. Calculate the partial pressure of each gas.

Collecting a Gas over Water Whenever a gas is in contact with water, some of
the water vaporizes into the gas. The water vapor that mixes with the gas contributes
the vapor pressure, a portion of the total pressure that depends only on the water
temperature (Table 5.2). A common use of the law of partial pressures is to determine
the yield of a water-insoluble gas formed in a reaction: the gaseous product bubbles
through water, some water vaporizes into the bubbles, and the mixture of product gas
and water vapor is collected into an inverted container (Figure 5.11).

The vapor pressure (Py,o) adds to Ryas to give Py
Here, the water level in the vessel is above

the level in the beaker, S0 P < Pagm-

Water-insoluble

gaseous product
bubbles through
water into
collection vessel.

Molecules of H,O
enter bubbles of gas.

vessel until the water level in it
equals the level in the beaker.

After all the gas has been collected,

Piotal s made equal to By, by

adjusting the height of the collection
N

gas

T A 4

Piotal €quals Pyas plus P,o
at the temperature of the
experiment. Therefore,

Pgas = Potal = PHZO-

Figure 5.11 Collecting a water-insoluble gaseous product and determining its pressure.
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To determine the yield, we look up the vapor pressure (Py () at the temperature of
the experiment in Table 5.2 and subtract it from the total gas pressure (P,,,, corrected
for barometric pressure) to get the partial pressure of the gaseous product (P,,). With
V and T known, we can calculate the amount of product.

Sample L(ICUER[IN Calculating the Amount of Gas Collected over Water J

Problem Acetylene (C,H,), an important fuel in welding, is produced in the laboratory
when calcium carbide (CaC,) reacts with water:

CaCy(s) + 2H,0(l) —> C,H,(g) + Ca(OH),(aq)

For a sample of acetylene collected over water, total gas pressure (adjusted to barometric
pressure) is 738 torr and the volume is 523 mL. At the temperature of the gas (23°C),
the vapor pressure of water is 21 torr. How many grams of acetylene are collected?

Plan In order to find the mass of C,H,, we first need to find the number of moles of Road Map
C,H,, nc y,, which we can obtain from the ideal gas law by calculating Pc . The ]

barometer reading gives us P, which is the sum of P, and Py o, and we are
given PHZO, so we subtract to find PCsz' We are also given V and 7, so we convert to
consistent units, and find n¢ y, from the ideal gas law. Then we convert moles to grams
using the molar mass from the formula, as shown in the road map.

Py total

subtract Pp,0

Solution Summarizing and converting the gas variables:
P,
Pcy, (torr) = Py — Py,o = 738 torr — 21 torr = 717 torr i ]
. atm PV
Pc,y, (atm) = 717 torr X 760 torr 0.943 atm n=gr
1 L s B
V(L) = 523 mL X M =0.523L nEH,
T (K) = 23°C + 273.15 = 296 K multiply by AL (g/mol)
Nc,n, = unknown
Solving for nc . : (
PV 0.943 atm X 0.523 L Mass (g) of CoHa
nen, = RT = — = 0.0203 mol L
0.0821 X 296 K
mol-K
Converting ncy, to mass (g):
26.04 g C2H2
Mass (g) of C,H, = 0.0203 mol C,H, X ———————— = 0.529 g C,H,
1 mol C,H,
Check Rounding to one significant figure and doing a quick arithmetic check for n gives
latm X 0.5L
n~ - = 0.02 mol =~ 0.0203 mol
atm-L
0.08 X 300 K
mol-K

Comment The C22_ ion (called the carbide, or acetylide, ion) is “C=C", which acts
as a base in water, removing an H* ion from two H,0 molecules to form acetylene,
H—C=C—H.

FOLLOW-UP PROBLEM 5.10° A small piece of zinc reacts with dilute HCI to form H,,
which is collected over water at 16°C into a large flask. The total pressure is adjusted
to barometric pressure (752 torr), and the volume is 1495 mL. Use Table 5.2 to help
Lcalculate the partial pressure and mass of H,.

The Ideal Gas Law and Reaction Stoichiometry

As you saw in Chapters 3 and 4, and in the preceding discussion of collecting a gas
over water, many reactions involve gases as reactants or products. From the balanced
equation for such a reaction, you can calculate the amounts (mol) of reactants and
products and convert these quantities into masses or numbers of molecules. Figure 5.12
(next page) shows how you use the ideal gas law to convert between gas variables (P,
T, and V) and amounts (mol) of gaseous reactants and products. In effect, you combine
a gas law problem with a stoichiometry problem, as you’ll see in Sample Problems
5.11 and 5.12.
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ideal molar ratio from ideal
as law balanced equation as law
PV,T <g:> EMOUNT (mas <’—:q> B OUNT (mSly <g: PVT
of gas A of gas A of gas B of gas B

Figure 5.12 The relationships among the amount (mol, n) of gaseous reactant (or product)
and the gas pressure (P), volume (V/), and temperature (7).

)

Sample (I NEN  Using Gas Variables to Find Amounts of Reactants
or Products |

Problem Copper reacts with any oxygen present as an impurity in the ethylene used to
make polyethylene. The copper is regenerated when hot H, reduces the copper(Il) oxide,
forming the pure metal and H,0O. What volume of H, at 765 torr and 225°C is needed
to reduce 35.5 g of copper(Il) oxide?

Road Map Plan This is a stoichiometry and gas law problem. To find Vy; , we first need ny,. We
write and balance the equation. Next, we convert the given mass (35.5 g) of copper(Il)
Mass (g) of CuO —_ oxide, CuO, to amount (mol) and use the molar ratio to find amount (mol) of H, needed
(stoichiometry portion). Then, we use the ideal gas law to convert moles of H, to liters
(gas law portion). A road map is shown, but you are familiar with all the steps.

divide by .t (g/mol)
Solution Writing the balanced equation:

Amount (mol) of CuO | stoichiometry CuO(s) + Hy(g) —> Cu(s) + H,0(g)
portion

) Calculating nyy :
1 molar ratio 1 mol CuO 1 mol H,

ny, = 35.5gCuO X X
2 79.55 g CuO 1 mol CuO

= 0.446 mol H,

-

Amount (mol) of Hp Summarizing and converting other gas variables:

E—
J 1 atm
1 V = unknown P (atm) = 765 torr X = 1.01 atm

use known P gas law 760 torr
and Tto find V portion T (K) = 225°C + 273.15 = 498 K

Volume (L) of Hy Solving for Vi,

) ’ atm-L
0.446 mol X 0.0821

nRT _ mol-K

P 1.01 atm

X 498 K

= 18.1L
Check One way to check the answer is to compare it with the molar volume of an ideal
gas at STP (22.4 L at 273.15 K and 1 atm). One mole of H, at STP occupies about

22 L, so less than 0.5 mol occupies less than 11 L. T is less than twice 273 K, so V
should be less than twice 11 L.

Comment The main point here is that the stoichiometry provides one gas variable (n),
two more are given, and the ideal gas law is used to find the fourth.

FOLLOW-UP PROBLEM 5.11 Sulfuric acid reacts with sodium chloride to form aqueous
sodium sulfate and hydrogen chloride gas. How many milliliters of gas form at STP
when 0.117 kg of sodium chloride reacts with excess sulfuric acid?

Sample (| RV Using Gas Variables to Find Amounts of Reactants
or Products

Problem The alkali metals [Group 1A(1)] react with the halogens [Group 7A(17)] to
form ionic metal halides. What mass of potassium chloride forms when 5.25 L of
chlorine gas at 0.950 atm and 293 K reacts with 17.0 g of potassium (see photo)?

Chlorine gas reacting with Plan The amounts of two reactants are given, so this is a limiting-reactant problem.
potassium. The only difference between this and previous limiting-reactant problems (see Sample
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Problem 3.19, p. 96) is that here we use the ideal gas law to find the amount (n) of
gaseous reactant from the known V, P, and 7. We first write the balanced equation and
then use it to find the limiting reactant and the amount and mass of product.

Solution Writing the balanced equation:
2K(s) + Cly(g) —> 2KCl(s)
Summarizing the gas variables:
P = 0.950 atm V=525L
T=293K n = unknown
Solving for ng,:

PV 0950atm X 5.25L

R 00821 atmII; X 293 K

ngy, = = 0.207 mol

mol-

Converting from mass (g) of potassium (K) to amount (mol):

1 mol K
Amount (mol) of K = 17.0gK X ———— = 0.435 mol K
39.10gK
Determining the limiting reactant: If Cl, is limiting,
2 mol KC1
Amount (mol) of KCI = 0.207 mol Cl, X ————— = 0.414 mol KCl
1 mol Cl,
If K is limiting,
2 mol KCI
Amount (mol) of KCl = 0.435 mol K X —————— = 0.435 mol KClI
2 mol K

Cl, is the limiting reactant because it forms less KCI.
Converting from amount (mol) of KCI to mass (g):

74.55 g KCI

Mass (g) of KCl = 0.414 mol KC1 X ——————
1 mol KC1

= 30.9 gKCl

Check The gas law calculation seems correct. At STP, 22 L of Cl, gas contains about

1 mol, so a 5-L volume will contain a bit less than 0.25 mol of Cl,. Moreover, since P
(in numerator) is slightly lower than STP, and T (in denominator) is slightly higher than
STP, these values should lower the calculated n further below the ideal value. The mass
of KCI seems correct: less than 0.5 mol of KCI gives <0.5 mol X Jl (~75 g/mol), and
30.9 g < 0.5 mol X 75 g/mol.

FOLLOW-UP PROBLEM 5.12° Ammonia and hydrogen chloride gases react to form solid

ammonium chloride. A 10.0-L reaction flask contains ammonia at 0.452 atm and 22°C,

and 155 mL of hydrogen chloride gas at 7.50 atm and 271 K is introduced. After the

reaction occurs and the temperature returns to 22°C, what is the pressure inside the
Lﬂask? (Neglect the volume of the solid product.)

@ Summary of Section 5.4

e Gas density is inversely related to temperature: higher T causes lower d, and vice
versa. At the same P and T, gases with larger .il have higher d.

e In a mixture of gases, each component contributes its partial pressure to the total
pressure (Dalton’s law of partial pressures). The mole fraction of each component
is the ratio of its partial pressure to the total pressure.

e When a gaseous reaction product is collected by bubbling it through water, the
total pressure is the sum of the gas pressure and the vapor pressure of water at
the given temperature.

e By converting the variables P, V, and T for a gaseous reactant (or product) to amount
(n, mol), we can solve stoichiometry problems for gaseous reactions.
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5.5 ¢ THE KINETIC-MOLECULAR THEORY:
A MODEL FOR GAS BEHAVIOR

So far we have discussed behaviors of various gas samples under different conditions:
decreasing cylinder volume, increasing tank pressure, and so forth. This section presents
the central model that explains macroscopic gas behavior at the level of individul par-
ticles: the kinetic-molecular theory. The theory draws quantitative conclusions based
on a few postulates (assumptions), but our discussion will be largely qualitative.

How the Kinetic-Molecular Theory Explains the Gas Laws

Let’s address some questions the theory must answer, state the postulates, and then
draw conclusions that explain the gas laws and related phenomena.

Questions Concerning Gas Behavior Observing gas behavior at the macroscopic
level, we must derive a molecular model that explains it:

1. Origin of pressure. Pressure is a measure of the force a gas exerts on a surface. How
do individual gas particles create this force?

2. Boyle’s law (V =« 1/P). A change in gas pressure in one direction causes a change
in gas volume in the other. What happens to the particles when external pressure
compresses the gas volume? And why aren’t liquids and solids compressible?

3. Dalton’s law (P, = P, + P, + P; + ---). The pressure of a gas mixture is the
sum of the pressures of the individual gases. Why does each gas contribute to the
total pressure in proportion to its number of particles?

4. Charles’s law (V = T). A change in temperature causes a corresponding change in
volume. What effect does higher temperature have on gas particles that increases gas
volume? This question raises a more fundamental one: what does temperature measure
on the molecular scale?

5. Avogadro’s law (V « n). Gas volume depends on the number of moles present, not on
the chemical nature of the gas. But shouldn’t 1 mol of heavier particles exert more
pressure, and thus take up more space, than 1 mol of lighter ones?

Postulates of the Kinetic-Molecular Theory The theory is based on three
postulates:

Postulate 1. Particle volume. A gas consists of a large collection of individual particles
with empty space between them. The volume of each particle is so small compared
with the volume of the whole sample that it is assumed to be zero; each particle
is essentially a point of mass.

Postulate 2. Particle motion. The particles are in constant, random, straight-line
motion, except when they collide with the container walls or with each other.
Postulate 3. Particle collisions. The collisions are elastic, which means that, like
minute billiard balls, the colliding particles exchange energy but do not lose any
energy through friction. Thus, their total kinetic energy (E,) is constant. Between
collisions, the particles do not influence each other by attractive or repulsive forces.

Gas behavior that conforms to these postulates is called ideal. (As you’ll see in Section 5.6,
most real gases behave almost ideally at ordinary temperatures and pressures.)

Imagine what a sample of gas in a container looks like. Countless minute par-
ticles move in every direction, smashing into the container walls and each other. Any
given particle changes its speed often—at one moment standing still from a head-on
collision and the next moment zooming away from a smash on the side.

In the sample as a whole, each particle has a molecular speed (u); most are
moving near the most probable speed, but some are much faster and others much
slower. Figure 5.13 depicts this distribution of molecular speeds for N, gas at three
temperatures.

Note that the curves flatten and spread at higher temperatures and that the most
probable speed (the peak of each curve) increases as the temperature increases. This
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Most probable
speed at 273 K

The most probable
speed increases
with temperature.

Most probable
speed at 1273 K

Most probable
speed at 2273 K

Relative number of N, molecules
with speed u

T 1
0 1000 2000 3000
u (m/s)

Figure 5.13 Distribution of molecular speeds for N, at three temperatures.

increase occurs because the average kinetic energy of the molecules, which is related
to the most probable speed, is proportional to the absolute temperature: Ej < T,
or E, = ¢T, where E, is the average kinetic energy of the molecules (an overbar
indicates the average value of a quantity) and c is a constant that is the same for
any gas. (We’ll return to this equation shortly.) Thus, a major conclusion based on
the distribution of speeds, which arises directly from postulate 3, is that ar a given
temperature, all gases have the same average kinetic energy.

A Molecular View of the Gas Laws Let’s keep visualizing gas particles in a con-
tainer to see how the theory explains the macroscopic behavior of gases and answers
the questions we posed above: Q

1. Origin of pressure (Figure 5.14). From postulates 1 and 2, each gas particle O
(point of mass) colliding with the container walls (and bottom of piston) exerts a force. Q

Countless collisions over the inner surface of the container result in a pressure. The 0
greater the number of particles, the more frequently they collide with the container, and

so the greater the pressure. O

2. Boyle’s law (V « 1/P) (Figure 5.15). The particles in a gas are points of mass Q
with empty space between them (postulate 1). Before any change in pressure, the
pressure exerted by the gas (P,,) equals the pressure exerted on the gas (P, and
there is some average distance (d,) between the particles and the container walls. As
P, increases at constant temperature, the average distance (d,) between the particles
and the walls decreases (that is, d, < d,), and so the sample volume decreases. Col-
lisions of the particles with the walls become more frequent over the shorter average
distance, which causes P, to increase until it again equals P,,,. The fact that liquids
and solids cannot be compressed implies there is little, if any, free space between
their particles.

Figure 5.14 Pressure arises from count-
less collisions between gas particles and
walls.

Atany T,
P gas = Pext
as patrticles hit
the walls from
an average

distance, dj.

Peyt increases,
T and n fixed

Figure 5.15 A molecular view of Boyle's law.
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more collisions,
because particles
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When gases Aand Bare  Gas A

separate, each exerts the
total pressure in its own
container.

oy
ol L=

Pa = Potal
=1.0 atm
np =0.60 mol

Figure 5.16 A molecular view of Dalton’s

law.

Figure 5.17 A molecular view of
Charles’s law.
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Gas B Mixture When gas A is mixed with

of Aand B gas B, Pyyq = Pp + Pg and
the numbers of collisions
of particles of each gas

Stopcock ® with the container walls
opened, ? are in proportion to the
e piston o amount (mol) of that gas.
- depressed @ )
at fixed T o
? _— Open 5 o
LS ¢ >
Pg = Piotal Piotas = Pa+ Pg=1.5atm
=0.50 atm Niotar = 0.90 mol
ng = 0.30 mol X, =0.67 mol Xg=0.33 mol

3. Dalton’s law of partial pressures (P, = P, + Py) (Figure 5.16). Adding a
given amount (mol) of gas A to a given amount of gas B causes an increase in the total
number of particles, in proportion to the particles of A added. This increase causes
a corresponding increase in the total number of collisions with the walls per second
(postulate 2), which causes a corresponding increase in the total pressure of the gas
mixture (P,,). Each gas exerts a fraction of P, in proportion to its fraction of the
total number of particles (or equivalently, its fraction of the total number of moles,
that is, the mole fraction).

4. Charles’s law (V « T) (Figure 5.17). At some starting temperature, 7, the
external (atmospheric) pressure (P,,,) equals the pressure of the gas (P,,). When the
gas is heated and the temperature increases to 7,, the most probable molecular speed
and the average kinetic energy increase (postulate 3). Thus, the particles hit the walls
more frequently and more energetically. This change temporarily increases P,,,. As
a result, the piston moves up, which increases the volume and lowers the collision
frequency until P, and P, are again equal.

-: :f o s
: | gas 2 L
e 1 —u } T2
, | > 7|
/ 1 - :
o _ | Tincreases ® | Vincreases 9 }
gas 3 —_— 0 ) o J
20 0 > i fixed n o 9 ] o (*] I
T ° %, .
ALT, Pggs = P, Higher T increases Thus, V increases until

collision frequency,
50 Pyas > Paym-

Pgas = Patm at To.

5. Avogadro’s law (V =« n) (Figure 5.18). At some starting amount, n,, of gas,
P, equals Py,.. When more gas is added from the attached tank, the amount increases
to n,. Thus, more particles hit the walls more frequently, which temporarily increases
P, As a result, the piston moves up, which increases the volume and lowers the
collision frequency until P, and P, are again equal.
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P atm
Patm o < ,Pgas‘
)
o 0 S
* ] )
o ofF gas L [, o o |
e 9 [~ nincreases @ | Vincreases > o d
o P iy — " 9
fixed T ]
For a given amount, ny, When gas is added to As a result, V increases
of gas, Pyas = Patm- reach n, the collision until Pyag = Payy again.

frequency of the particles
increases, s0 Pyas > Pam.

Figure 5.18 A molecular view of Avogadro’s law.

The Central Importance of Kinetic Energy Recall from Chapter 1 that the kinetic
energy of an object is the energy associated with its motion. It is key to explain-
ing some implications of Avogadro’s law and, most importantly, the meaning of
temperature.

1. Implications of Avogadro’s law. As we just saw, Avogadro’s law says that, at
any given T and P, the volume of a gas depends only on the number of moles—that
is, number of particles—in the sample. The law doesn’t mention the chemical nature
of the gas, so equal numbers of particles of any two gases, say O, and H,, should
occupy the same volume. But, why don’t the heavier O, molecules exert more pressure
on the container walls, and thus take up more volume, than the lighter H, molecules?
To answer this, we’ll show one way to express kinetic energy mathematically:

E, = 1mass X speed’

This equation says that, for a given E), an object’s mass and speed are inversely
related, which means that a heavier object moving slower can have the same kinetic
energy as a lighter object moving faster. Figure 5.19 shows that, for several gases,
the most probable speed (top of each curve) increases as the molar mass (number in
parentheses) decreases.

Figure 5.19 The relationship between
molar mass and molecular speed. At

a given temperature, gases with lower
molar masses (numbers in parentheses)
have higher most probable speeds (peak
of each curve).

with a given speed

Relative number of molecules

Molecular speed at a given T

As we saw earlier, postulate 3 of the kinetic-molecular theory directly implies
that, at a given 7, all gases have the same average kinetic energy. From Figure 5.19,
we see that O, molecules move more slowly, on average, than H, molecules. With
their higher most probable speed, H, molecules collide with the walls of a container
more often than O, molecules do, but their lower mass means that each collision has
less force. Therefore, at a given 7, equimolar samples of H, and O, (or any other
gas) exert the same pressure and, thus, occupy the same volume because, on average,
their molecules hit the walls with the same kinetic energy.
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2. The meaning of temperature. Closely related to these ideas is the central rela-
tion between kinetic energy and temperature. Earlier we said that the average kinetic
energy of the particles (E}) equals the absolute temperature times a constant; that
is, E, = ¢T. Using definitions of velocity, momentum, force, and pressure, we can
express this relationship by an equation that reveals the constant c:

_ (R
EszNiT
A

where R is the gas constant and N, is the symbol for Avogadro’s number. This
equation makes the essential point that temperature is a measure of the aver-
age kinetic energy of the particles: as T increases, E, increases, and vice versa.
Temperature is an intensive property (Section 1.4), so it is not related to the total
energy of motion of the particles, which depends on the size of the sample, but
to the average energy.

Thus, for example, in the macroscopic world, we heat a beaker of water over a
flame and see the mercury rise inside a thermometer we put in the beaker. We see
this because, in the molecular world, kinetic energy transfers from higher energy gas
particles in the flame, in turn, to lower energy particles in the beaker glass, the water
molecules, the particles in the thermometer glass, and the atoms of mercury.

Root-Mean-Square Speed Finally, let’s derive an expression for the speed of a
gas particle that has the average kinetic energy of the particles in a sample. From the
general expression for kinetic energy of an object,

E, = 1mass X speed’

the average kinetic energy of each particle in a large population is

E, = b

where m is the particle’s mass (atomic or molecular) and % is the average of the
squares of the molecular speeds. Setting these two expressions for average kinetic
energy equal to each other gives

Multiplying through by Avogadro’s number, N,, gives the average kinetic energy for
a mole of gas particles:
SNy mu? = 3RT
Avogadro’s number times the molecular mass, N, X m, is the molar mass, Ji{, and
solving for 7, we have
- 2 3 3RT

1= 2 Ppr="0
TR i

The square root of u? is the root-mean-square speed, or rms speed (u,,,): a particle
moving at this speed has the average kinetic energy. Taking the square root of both
sides of the previous equation gives

e = /%T (5.13)

where R is the gas constant, T is the absolute temperature, and Jl is the molar mass.
(Because we want # in m/s and R includes the joule, which has units of kg-m?/s%, we
use the value 8.314 J/mol-K for R and express Jil in kg/mol.)

Thus, as an example, the root-mean-square speed of an O, molecule (M =
3.200%x 1072 kg/mol) at room temperature (20°C, or 293 K) in the air you’re breath-
ing right now is

3RT \/ 3(8.314 J/mol-K)(293 K) \/ 3(8.314 ke m*/s*/met K)(293 K)
o = 22 = =
me M 3.200x 10~ kg/mol 3.200X10 2 ke/mel
= 478 m/s (about 1070 mi/hr)
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Effusion and Diffusion

The movement of a gas into a vacuum and the movement of gases through one another
are phenomena with some vital applications.

The Process of Effusion One of the early triumphs of the kinetic-molecular theory
was an explanation of effusion, the process by which a gas escapes through a tiny hole
in its container into an evacuated space. In 1846, Thomas Graham studied the effusion
rate of a gas, the number of molecules escaping per unit time, and found that it was
inversely proportional to the square root of the gas density. But, density is directly
related to molar mass, so Graham’s law of effusion is stated as follows: the rate of
effusion of a gas is inversely proportional to the square root of its molar mass, or

1
Rate of effusion « ——
0
Argon (Ar) is lighter than krypton (Kr), so it effuses faster, assuming equal pressures
of the two gases (Figure 5.20). Thus, the ratio of the rates is

Rate,, Vg, Rate,

. 1 Villg [y
= —— or, in general, = =/
Ratex, /i, & Rateg /i, My

The kinetic-molecular theory explains that, at a given temperature and pressure, the
gas with the lower molar mass effuses faster because the rms speed of its molecules is
higher, therefore, more molecules collide with the hole and escape per unit time.

(5.14)

NIRRT ERRE Applying Graham's Law of Effusion

A

Problem A mixture of helium (He) and methane (CH,) is placed in an effusion
apparatus. Calculate the ratio of their effusion rates.

Plan The effusion rate is inversely proportional to VL, so we find the molar mass of
each substance from the formula and take its square root. The inverse of the ratio of the
square roots is the ratio of the effusion rates.

M of CH; = 16.04 g/mol
Calculating the ratio of the effusion rates:

Solution M of He = 4.003 g/mol

Ratey,

_ ‘/M/CH4 _ \/1604 g/mol _ \/m — 2002

Ratecy, My, 4.003 g/mol

Check A ratio >1 makes sense because the lighter He should effuse faster than the
heavier CH,. Because the molar mass of CH, is about four times the molar mass of He,

He should effuse about twice as fast as CH, (\/41).

FOLLOW-UP PROBLEM 5.13 If it takes 1.25 min for 0.010 mol of He to effuse, how long
will it take for the same amount of ethane (C,Hy) to effuse?

Applications of Effusion The process of effusion has two important uses.

1. Determination of molar mass. We can also use Graham’s law to determine the
molar mass of an unknown gas. By comparing the effusion rate of gas X with that
of a known gas, such as He, we can solve for the molar mass of X:

MHe
Mx
Squaring both sides and solving for the molar mass of X gives
ratey, \?
J‘/LX = JM“He X (—He)

ratey

Ratey

Ratey,
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Figure 5.20 Effusion. Lighter (black)
particles effuse faster than heavier (red)
particles.
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2. Preparation of nuclear fuel. By far the most important application of Graham’s
law is in the preparation of fuel for nuclear energy reactors. The process of isofope
enrichment increases the proportion of fissionable, but rarer, 2°U (only 0.7% by mass
of naturally occurring uranium) to the nonfissionable, more abundant 233U (99.3% by
mass). Because the two isotopes have identical chemical properties, they are extremely
difficult to separate chemically. But, one way to separate them takes advantage of a
difference in a physical property—the effusion rate of their gaseous compounds. Ura-
nium ore is treated with fluorine to yield a gaseous mixture of 2*8UF, and >*>UF; that is
pumped through a series of chambers separated by porous barriers. Molecules of 2*3UF,
are slightly lighter (M = 349.03) than molecules of 2*8UF; (Ul = 352.04), so they move
slightly faster and effuse through each barrier 1.0043 times faster. Many passes must be
made, each one increasing the fraction of 2UF;, until the mixture obtained is 3-5% by
mass 2UF,. This process was developed during the latter years of World War II and
produced enough 23U for two of the world’s first atomic bombs.

The Process of Diffusion Closely related to effusion is the process of gaseous dif-
fusion, the movement of one gas through another. Diffusion rates are also described
generally by Graham’s law:

1
Rate of diffusion « ——
Vit
For two gases at equal pressures, such as NH; and HCI, moving through another gas
or a mixture of gases, such as air, we find

Rateyy, _ | Mygey
Rateyq M,
The reason for this dependence on molar mass is the same as for effusion rates:

lighter molecules have higher average speeds than heavier molecules, so they move
farther in a given time.

( THINK UF I'I' THIS WAY Why don’t you smell perfume until a few seconds after the bottle has been opened? A
One reason is that a molecule of the scent doesn’t travel very far before it collides
A Bizarre (and Dangerous) with another molecule in the air. Look at the tortuous path of the red “odor” mol-
Molecular Highway ecule, and imagine how much faster you could walk through an empty room than

through a room full of moving people. Behavior in the molecular world is almost
inconceivable in everyday life: to match the number of collisions per second of an
N, molecule in room air, a bumper car in an enormous amusement-park ride would
travel at 2.8 billion mi/s (4.5 billion km/s, much faster than the speed of light!) and

would smash into another car every 700 yd (640 m). :

Diffusion also occurs when a gas enters a liquid (and to a small extent in a
solid). However, the average distances between molecules are so much shorter in
a liquid that collisions are much more frequent; thus, diffusion of a gas through
a liquid is much slower than through a gas. Nevertheless, this type of diffusion is
vital in organisms, for example, in the movement of O, from lungs to blood.

@ Summary of Section 5.5

e The kinetic-molecular theory postulates that gas particles have no volume, move
in straight-line paths between elastic (energy-conserving) collisions, and have
average kinetic energies proportional to the absolute temperature of the gas.

e This theory explains the gas laws in terms of changes in distances between particles
and the container walls, changes in molecular speed, and the energy of collisions.

e Temperature is a measure of the average kinetic energy of the particles.

e Molecular motion is characterized by a temperature-dependent, most probable
speed (within a range of speeds).

o Effusion and diffusion rates are inversely proportional to the square root of the
molar mass (Graham'’s law) because they are directly proportional to molecular
speed.
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5.6 * REAL GASES: DEVIATIONS FROM IDEAL
BEHAVIOR

A fundamental principle of science is that simpler models are more useful than com-
plex ones, as long as they explain the data. With only a few postulates, the kinetic-
molecular theory explains the behavior of most gases under ordinary conditions. But
two of the postulates are useful approximations that do not reflect reality:

1. Gas particles are not points of mass but have volumes determined by the sizes of
their atoms and the lengths and directions of their bonds.

2. Attractive and repulsive forces do exist among gas particles because atoms contain
charged subatomic particles and many bonds are polar. (As you’ll see in Chapter 12,
such forces lead to changes of physical state.)

These two features cause deviations from ideal behavior under extreme conditions
of low temperature and high pressure. These deviations mean that we must alter the
simple model and the ideal gas law to predict the behavior of real gases.

Effects of Extreme Conditions on Gas Behavior

At ordinary conditions—relatively high temperatures and low pressures—most real
gases exhibit nearly ideal behavior. Yet, even at STP (0°C and 1 atm), gases deviate
slightly from ideal behavior. Table 5.3 shows that the standard molar volumes of several
gases, when measured to five significant figures, do not equal the ideal value. Note that

Table 5.3 Molar Volume
of Some Common Gases

at STP (0°C and 1 atm)

the deviations increase as the boiling point rises. Molar

The phenomena that cause slight deviations under standard conditions exert more Volume Boiling
influence as the temperature decreases and pressure increases. Figure 5.21 shows a Gas (L/mol) Point (°C)
plot of PV/RT versus external pressure (P.,) for 1 mol of several real gases and an He 22435 —268.9
ideal gas. The values on the horizontal axis are the external pressures at which the H, 22432 —252.8
PV/RT ratios were calculated. The PV/RT values range from normal (at P.,, = 1 atm, Ne 22,422 —246.1
PV/RT = 1) to very high (at P, = 1000 atm, PV/RT = 1.6 to 2.3). For the ideal gas, Ideal gas  22.414 _
PV/RT is 1 at any P.,. Ar 22.397 —~185.9

The PV/RT curve for methane (CH,) is typical of most gases: it decreases below N, 22396 ~195.8
the ideal value at moderately high P, and then rises above the ideal value as P, 0, 22390 ~183.0
increases to very high values. This shape arises from two overlapping effects: co 22388 1915
e At moderately high P, PV/RT values are lower than ideal values (less than 1) Cl, 22.184 —34.0

because of interparticle attractions. NH, 22.079 —334

* At very high P, PV/RT values are greater than ideal values (more than 1) because
of particle volume.

Figure 5.21 Deviations from ideal behavior with increasing external pres-
sure. The horizontal line shows that, for 1 mol of ideal gas, PV/RT = 1 at all
Ha P, At very high P, real gases deviate significantly from ideal behavior,
PV 4o He but small deviations appear even at ordinary pressures (expanded portion).
RT Ideal gas
CHgy
CO2 CHgy
| I
2.0 0 10 20 Ho
Pext (atm) COo
—— He
PV/RT > 1
Effect of particle
volume predominates
Ideal gas
PV/RT <1
Effect of interparticle
05 attractions predominates

0.0 T T T T T
0 200 400 600 800 1000
Pext (atm)
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Pext
L
- -
"] - . Pext Poxt
@ @ increases
| —
® |l
- “ I J - J J d
- -
At ordinary Pext, At moderately high Py, Interparticle attractions
particles are too far particles are close (red arrows) lower the force of
apart to interact. enough to interact. collisions with the container wall.

Figure 5.22 The effect of interparticle attractions on measured gas pressure.

Let’s examine these effects on the molecular level:

1. Effect of interparticle attractions. Interparticle attractions occur between sepa-
rate atoms or molecules and are caused by imbalances in electron distributions. They
are important only over very short distances and are much weaker than the covalent
bonding forces that hold a molecule together. At normal P, , the spaces between
the particles are so large that attractions are negligible and the gas behaves nearly
ideally. As P, rises, the volume of the sample decreases and the particles get closer
together, so interparticle attractions have a greater effect. As a particle approaches the
container wall under these higher pressures, nearby particles attract it, which lessens the
force of its impact (Figure 5.22). Repeated throughout the sample, this effect results in
decreased gas pressure and, thus, a smaller numerator in PV/RT. Similarly, lowering
the temperature slows the particles, so they attract each other for a longer time.

2. Effect of particle volume. At normal P,,,, the space between particles (free
volume) is enormous compared with the volume of the particles themselves (particle
volume); thus, the free volume is essentially equal to V, the container volume in
PV/RT. At moderately high P and as free volume decreases, the particle volume
makes up an increasing proportion of the container volume. At extremely high pres-
sures, the particle volume makes the free volume significantly less than the container
volume (Figure 5.23). But, we continue to use the container volume for V in PV/RT.
Thus, the numerator and the ratio become artificially high. This particle volume effect
increases as P, increases, eventually outweighing the effect of interparticle attractions
and causing PV/RT to rise above the ideal value.

In Figure 5.21, note that the H, and He curves do not show the typical dip
at moderate pressures. These gases consist of particles with such weak interparticle
attractions that the particle volume effect predominates at all pressures.

Pext :

At ordinary Py, » © o - Po At very high Pey,
free volume =~ @ free volume <
container volume P, increases container volume
because particle @ ® o JE— because particle
volume is an [ | volume becomes a
insignificant portion ® @ [ () significant portion of
of container volume. > [+ 2200 90 container volume.

v @ Q9 9 .‘; 1) >

Figure 5.23 The effect of particle volume on measured gas volume.
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The van der Waals Equation: Adjusting the Ideal Gas Law Table 5.4 Van der Waals
To describe real gas behavior more accurately, we need to adjust the ideal gas equa- Constants for Some Common
tion in two ways: Gases
1. Adjust P up by adding a factor that accounts for interparticle attractions. a2
. . . atm-L L
2. Adjust V down by subtracting a factor that accounts for particle volume. Gas mol? mol
In 1873, Johannes van der Waals revised the ideal gas equation to account for the
behavior of real gases. The van der Waals equation for n moles of a real gas is He 0.034 0.0237
Ne 0.211 0.0171
n’a Ar 1.35 0.0322
(P + W)(V — nb) = nRT (5.15) Kr )30 0.0398
adjusts adjusts Xe 4.19 0.0511
Pup  Vdown H, 0.244 0.0266
where P is the measured pressure, V is the known container volume, n and T have N, 1.39 0.0391
their usual meanings, and a and b are van der Waals constants, experimentally 8]2 éig 8823
determined and specific for a given gas (Table 5.4). The constant a depends on the Cﬁ 2' 25 O. 0428
number and distribution of electrons, which relate to the complexity of a particle CO4 1' 45 0'0395
and the strength of its interparticle attractions. The constant b relates to particle co 3'59 0'0 107
volume. For instance, CO, is both more complex and larger than H,, and the values NHZ 4'17 0'0371
of their constants reflect this. Hz(; 546 0.0305

Here is a typical application of the van der Waals equation. A 1.98-L vessel con-
tains 215 g (4.89 mol) of dry ice. After standing at 26°C (299 K), the CO,(s) changes
to CO,(g). The pressure is measured (P,,) and then calculated by the ideal gas law
(Pgr) and, using the appropriate values of a and b, by the van der Waals equation
(Pypw)- The results are revealing:

P, = 44.8 atm Py = 60.6 atm Pypw = 45.9 atm
Comparing the real value with each calculated value shows that Py, is 35.3% greater

than P, but Pypy is only 2.5% greater than P,,. At these conditions, CO, deviates
so much from ideal behavior that the ideal gas law is not very useful.

@ Summary of Section 5.6

e At very high Por low T, all gases deviate significantly from ideal behavior.

o As external pressure increases, most real gases exhibit first a lower and then a higher
PV/RT; for 1 mol of an ideal gas, this ratio remains constant at 1.

e The deviations from ideal behavior are due to (1) attractions between particles,
which lower the pressure (and decrease PV/RT), and (2) the volume of the particles
themselves, which takes up an increasingly larger fraction of the container volume
(and increases PV/RT).

e The van der Waals equation includes constants specific for a given gas to correct
for deviations from ideal behavior.

The following sections provide many aids to help you study this chapter. (Numbers in
CHAPTER REVI EW GUIDE parentheses refer to pages, unless noted otherwise.) °
Learning Objectives These are concepts and skills to review after studying this chapter.

Related section (§), sample problem (SP), and end-of-chapter problem (Dalton’s law) (§5.4) (SPs 5.7-5.10) (EPs 5.25-5.37,
(EP) numbers are listed in parentheses. 5.44-5.47)

5. Use stoichiometry and the gas laws to calculate amounts

1. Explain how gases differ from liquids and solids (§5.1)
of reactants and products (§5.4) (SPs 5.11, 5.12)

(EPs 5.1, 5.2)
2. Understand how a barometer works and interconvert units (EPs 5.38-5.43, 5.'48._5'51) )
of pressure (§5.2) (SP 5.1) (EPs 5.3-5.9) 6. Understand the kinetic-molecular theory and how it

explains the gas laws, average molecular speed and kinetic
energy, and the processes of effusion and diffusion (§5.5)
(SP 5.13) (EPs 5.52-5.63)

7. Explain why interparticle attractions and particle volume
cause real gases to deviate from ideal behavior and how
the van der Waals equation corrects for the deviations
(8§5.6) (EPs 5.64-5.67)
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3. Describe Boyle’s, Charles’s, and Avogadro’s laws, under-
stand how they relate to the ideal gas law, and apply them
in calculations (§5.3) (SPs 5.2-5.6) (EPs 5.10-5.24)

4. Apply the ideal gas law to determine the density of a gas
at different temperatures, the molar mass of a gas, and the
partial pressure (or mole fraction) of each gas in a mixture
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These important terms appear in boldface in the chapter and are defined again in the Glossary.

Section 5.3

ideal gas (153)

Boyle’s law (154)

Charles’s law (154)

Avogadro’s law (156)

standard temperature and
pressure (STP) (156)

standard molar volume (156)

ideal gas law (157)

universal gas constant (R)
(157)

Section 5.2

pressure (P) (150)

barometer (150)

pascal (Pa) (151)

standard atmosphere (atm)
(151)

millimeter of mercury
(mmHg) (151)

torr (151)

Section 5.4 effusion (175)
partial pressure (165) Graham’s law of effusion
Dalton’s law of partial (175)
pressures (165) diffusion (176)
mole fraction (X) (165) Section 5.6
Section 5.5 van der Waals equation (179)
kinetic-molecular theory van der Waals constants
(170) (179)

rms speed (u,,,) (174)

ms.

Key Equations and Relationships Numbered and screened concepts are listed for you to refer to or memorize.

5.1 Expressing the volume-pressure relationship (Boyle’s law)
(154):

1
Vo P or PV = constant [T and n fixed]
5.2 Expressing the volume-temperature relationship (Charles’s
law) (154):

\%4
VeoT or ? = constant [P and n fixed]

5.3 Expressing the pressure-temperature relationship (Amon-
tons’s law) (155):

P
PoT or T = constant [V and n fixed]

54 Expressing the volume-amount relationship (Avogadro’s law)
(156):

1%
Von or P = constant [P and T fixed]

55 Defining standard temperature and pressure (156):
STP: 0°C (273.15 K) and 1 atm (760 torr)

56 Stating the volume of 1 mol of an ideal gas at STP (156):
Standard molar volume = 22.4141 L =224 L [3 sf]

5.7 Relating volume to pressure, temperature, and amount (ideal
gas law) (157):
PV, PV,

and =
m T, T,

PV = nRT

5.8 Calculating the value of R (157):
R — PV _ latm X 224141 L
nT 1 mol X 273.15 K
atm-L atm-L
0

= 0.0821
mol-K m

= 0.082058 [3 sf]
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59 Rearranging the ideal gas law to find gas density (163):

pv="lRr
i
m M X P
SO —=d=
% RT

510 Rearranging the ideal gas law to find molar mass (164):

m PV mRT
n=-—-=— SO M=—
M RT PV

511 Relating the total pressure of a gas mixture to the partial
pressures of the components (Dalton’s law of partial pressures)
(165):

Pou =Py + Py + Py + -

otal —
512 Relating partial pressure to mole fraction (165):
Py=X\ X P

total

513 Defining rms speed as a function of molar mass and

temperature (174):
3RT
Urms = W

5.14 Applying Graham’s law of effusion (175):

Rate, Vil /%

Rateg A N B My
515 Applying the van der Waals equation to find the pressure or
volume of a gas under extreme conditions (179):

n2a _
P+W (V—I’lb)—l’lRT
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~

LBH'EF SULUT'UNS T[] FDLLOW-UP PRUBLEMS Compare your own solutions to these calculation steps and answers.

1 torr
b.1 Pco, (torr) = (753.6 mmHg — 174.0 mmHg) X —————
1 mmHg
= 579.6 torr
Peo, (Pa) = 579.6 torr X 1 atm 1.01325%10° Pa
= R T
co, 112 O % 760 torr e
= 7.727X10" Pa
Peo. (Ib/in) = 579.6 torr X latm _ 14.7 Ib/in2
n) = . orr
€0 ! 760 torr 1 atm
= 11.2 Ib/in?
1 atm
5.2 P, (atm) = 26.3 kPa X —————— = 0.260 at
2 (atm) &7 101,325 kPa atm
V,(L) = 105 mL X 1L 0.871 atm 0350 L
= m =0.
z 1000 mL ~ 0.260 atm
9.75 cm®
8.3 T,(K) = 273K X ——oe = 390.K
6.83 cm
350g — 5.0
54 P, (torr) = 793 torr X e 680. torr

350¢g
(There is no need to convert mass to moles because the ratio of
masses equals the ratio of moles.)

55 - PV 137atm X 438L 24.9 mol O,
KT 0821 2L o p04k
mol-
32.00 g O, 5
Mass (g) of O, = 24.9 mol O, X m =7.97X10°g O,

5.6 The balanced equation is 2CD(g) —> C,(g) + Ds(g),
so n does not change. Therefore, given constant P, the tempera-
ture, 7, must double: 7, = —73°C + 273.15 = 200 K;

so T, =400 K, or 400 K — 273.15 = 127°C.

44.01 g/mol X 763()8:)% Ny, after reaction
8 = orrratm 1 mol NH
9.1 d(at 0°C and 380 tomm) = atm-L = 0.187 mol NH; — ( 0.0522 mol HCI X 73>
0.0821 X 273 K 1 mol HCI
mol- B
= 0.982 g/L = 0.135 mol NH;4
The density is lower at the smaller P because V is larger. In this 0.135 mol X 0.0821 atm-L % 295 K
case, d is lowered by one-half because P is one-half as much. _ mol-K _
P = = 0.327 atm
10.0L
5.8
atm-L
(68.697 g — 68.322 g) X 0.0821 — X (27315 + 95.0)K 5.13 Rate of He _ 30.07 g/mol e
M= o "% Rateof C;H, V4003 g/mol
740. torr 149 mL
760 torr/atm 1000 mL/L Time for C,H to effuse = 1.25 min X 2.741 = 3.43 min
= 78.1 g/mol
& d

1 mol He
5.9 nyw = (5.50 g He x

4.003 g He
1 mol Ne )
20.18 g Ne

1 mol Kr >
83.80 g Kr

+ <15.0 g Ne X

+ <35.0gKr X

= 2.53 mol

1 mol He
4.003 g He
2.53 mol

Py, = 0.165 atm

5.50 g He X

Py = X 1 atm = 0.543 atm

Py. = 0.294 atm

8.10 P, = 752 torr — 13.6 torr = 738 torr

_T38torr 4051
760 torr/atm ’ 2.016 g H,
Mass (g) of H, = atm-L 1 mol H
0.0821 X 289 K 2
mol-K
=0.123gH,

5.11 H,50,(ag) + 2NaCl(s) — Na,SO,(ag) + 2HCl(g)

10° 1 mol NaCl 2 mol HC1
My = 0.117 kg NaCl X —2 x — o1 2 mo
1kg 5844 gNaCl 2 mol NaCl
= 2.00 mol HCI
224L 10°mL
At STP, V (mL) = 2.00 mol X
1 mol 1L

= 4.48X10* mL

5.12 NH,(g) + HCl(g) — NH,CI(s)
nyy, = 0.187 mol and nye, = 0.0522 mol; thus, HCI is the
limiting reactant.

STUDENTS-HUB.com

Uploaded By: anonymous


https://students-hub.com

182 Chapter 5 ¢ Gases and the Kinetic-Molecular Theory

PROBLEMS

Problems with colored numbers are answered in Appendix E. Sec-
tions match the text and provide the numbers of relevant sample
problems. Bracketed problems are grouped in pairs (indicated by a
short rule) that cover the same concept. Comprehensive Problems are
based on material from any section or previous chapter.

An Overview of the Physical States of Matter

5.1 How does a sample of gas differ in its behavior from a sample
of liquid in each of the following situations?

(a) The sample is transferred from one container to a larger one.
(b) The sample is heated in an expandable container, but no change
of state occurs.

(c) The sample is placed in a cylinder with a piston, and an external
force is applied.

5.2 Are the particles in a gas farther apart or closer together than
the particles in a liquid? Use your answer to explain each of the
following general observations:

(a) Gases are more compressible than liquids.

(b) Gases flow much more freely than liquids.

(c) After thorough stirring, all gas mixtures are solutions.

(d) The density of a substance in the gas state is lower than in the
liquid state.

Gas Pressure and Its Measurement
(Sample Problem 5.1)

5.3 How does a barometer work? Is the column of mercury in a
barometer shorter when it is on a mountaintop or at sea level?
Explain.

54 On a cool, rainy day, the barometric pressure is 730 mmHg.
Calculate the barometric pressure in centimeters of water (cmH,0)
(dof Hg = 13.5 g/mL; d of H,0 = 1.00 g/mL).

55 A long glass tube, sealed at one end, has an inner diameter
of 10.0 mm. The tube is filled with water and inverted into a pail
of water. If the atmospheric pressure is 755 mmHg, how high (in
mmH,0) is the column of water in the tube (d of Hg = 13.5 g/mL;
d of H,0 = 1.00 g/mL)?

5.6 Convert the following:
(a) 0.745 atm to mmHg
(c) 365 kPa to atm

5.7 Convert the following:
(a) 76.8 cmHg to atm
(c) 6.50 atm to bar

(b) 992 torr to bar
(d) 804 mmHg to kPa

(b) 27.5 atm to kPa
(d) 0.937 kPa to torr

5.8 Convert each of the pressures described below to atm:

(a) At the peak of Mt. Everest, atmospheric pressure is only
2.75X10?> mmHg.

(b) A cyclist fills her bike tires to 86 psi.

(c) The surface of Venus has an atmospheric pressure of
9.15X10° Pa.

(d) At 100 ft below sea level, a scuba diver experiences a pressure
of 2.54X10* torr.

5.9 The gravitational force exerted by Earth on an object is given
by F = mg, where F is the force in newtons, m is the mass in kilo-
grams, and g is the acceleration due to gravity (9.81 m/s?).

(a) Use the definition of the pascal to calculate the mass (in kg) of
the atmosphere above 1 m? of ocean.
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(b) Osmium (Z = 76) is a transition metal in Group 8B(8) and has the
highest density of any element (22.6 g/mL). If an osmium column is
1 m? in area, how high must it be for its pressure to equal atmospheric
pressure? [Use the answer from part (a) in your calculation. ]

The Gas Laws and Their Experimental Foundations
(Sample Problems 5.2 to 5.6)

510 A student states Boyle’s law as follows: “The volume of a gas
is inversely proportional to its pressure.” How is this statement
incomplete? Give a correct statement of Boyle’s law.

511 In the following relationships, which quantities are vari-
ables and which are fixed: (a) Charles’s law; (b) Avogadro’s law;
(c) Amontons’s law?

512 Boyle’s law relates gas volume to pressure, and Avogadro’s
law relates gas volume to amount (mol). State a relationship
between gas pressure and amount (mol).

513 Each of the following processes caused the gas volume to
double, as shown. For each process, tell how the remaining gas
variable changed or state that it remained fixed:

(a) T doubles at fixed P.

(b) T and n are fixed.

(c) At fixed T, the reaction is CD,(g) — C(g) + D,(g).

(d) At fixed P, the reaction is Ay(g) + B,(g) — 2AB(g).

—_—

\
J J
5.14 What is the effect of the following on the volume of 1 mol of
an ideal gas?
(a) The pressure is tripled (at constant 7).
(b) The absolute temperature is increased by a factor of 3.0 (at

constant P).
(c) Three more moles of the gas are added (at constant P and 7).

5.15 What is the effect of the following on the volume of 1 mol of
an ideal gas?

(a) The pressure is reduced by a factor of 4 (at constant 7).

(b) The pressure changes from 760 torr to 202 kPa, and the
temperature changes from 37°C to 155 K.

(c) The temperature changes from 305 K to 32°C, and the pressure
changes from 2 atm to 101 kPa.

516 A sample of sulfur hexafluoride gas occupies 9.10 L at
198°C. Assuming that the pressure remains constant, what tem-
perature (in °C) is needed to reduce the volume to 2.50 L.?

517 A 93-L sample of dry air cools from 145°C to —22°C while
the pressure is maintained at 2.85 atm. What is the final volume?

5.18 A sample of Freon-12 (CF,Cl,) occupies 25.5 L at 298 K and
153.3 kPa. Find its volume at STP.

519 A sample of carbon monoxide occupies 3.65 L at 298 K and
745 torr. Find its volume at —14°C and 367 torr.

520 A sample of chlorine gas is confined in a 5.0-L container at
328 torr and 37°C. How many moles of gas are in the sample?
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521 If 1.47X1073 mol of argon occupies a 75.0-mL container at
26°C, what is the pressure (in torr)?

5.22 You have 357 mL of chlorine trifluoride gas at 699 mmHg and
45°C. What is the mass (in g) of the sample?

523 A 75.0-g sample of dinitrogen monoxide is confined in a
3.1-L vessel. What is the pressure (in atm) at 115°C?

5.24 In preparation for a demonstration, your professor brings a
1.5-L bottle of sulfur dioxide into the lecture hall before class to
allow the gas to reach room temperature. If the pressure gauge
reads 85 psi and the temperature in the hall is 23°C, how many
moles of sulfur dioxide are in the bottle? (Hint: The gauge reads
zero when 14.7 psi of gas remains.)

Rearrangements of the Ideal Gas Law
(Sample Problems 5.7 to 5.12)

525 Why is moist air less dense than dry air?

5.26 To collect a beaker of H, gas by displacing the air already in
the beaker, would you hold the beaker upright or inverted? Why?
How would you hold the beaker to collect CO,?

5.271 Why can we use a gas mixture, such as air, to study the gen-
eral behavior of an ideal gas under ordinary conditions?

5.28 How does the partial pressure of gas A in a mixture compare
to its mole fraction in the mixture? Explain.

529 The scene at right represents a por-
tion of a mixture of four gases A (purple),
B (black), C (green), and D, (orange).
(a) Which has the highest partial pressure?
(b) Which has the lowest partial pressure?
(c) If the total pressure is 0.75 atm, what is
the partial pressure of D,?

530 What is the density of Xe gas at STP?
531 Find the density of Freon-11 (CFCl;) at 120°C and 1.5 atm.

532 How many moles of gaseous arsine (AsH;) occupy 0.0400 L
at STP? What is the density of gaseous arsine?

5.33 The density of a noble gas is 2.71 g/L at 3.00 atm and 0°C.
Identify the gas.

534 Calculate the molar mass of a gas at 388 torr and 45°C if
206 ng occupies 0.206 L.

5.35 When an evacuated 63.8-mL glass bulb is filled with a gas at
22°C and 747 mmHg, the bulb gains 0.103 g in mass. Is the gas
N,, Ne, or Ar?

536 After 0.600 L of Ar at 1.20 atm and 227°C is mixed with
0.200 L of O, at 501 torr and 127°C in a 400-mL flask at 27°C,
what is the pressure in the flask?

537 A 355-mL container holds 0.146 g of Ne and an unknown
amount of Ar at 35°C and a total pressure of 626 mmHg. Calculate
the number of moles of Ar present.

538 How many grams of phosphorus react with 35.5 L of O, at
STP to form tetraphosphorus decaoxide?

Py(s) + 50,(8) —> P4O4(s)
5.39 How many grams of potassium chlorate decompose to potas-

sium chloride and 638 mL of O, at 128°C and 752 torr?
2KClO;(s) — 2KCI(s) + 30,(g)
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540 How many grams of phosphine (PH;) can form when 37.5 g
of phosphorus and 83.0 L of hydrogen gas react at STP?

P,(s) + Hy(g) —> PHi(g) [unbalanced]

541 When 35.6 L of ammonia and 40.5 L of oxygen gas at STP
burn, nitrogen monoxide and water form. After the products return
to STP, how many grams of nitrogen monoxide are present?

NH;(g) + Ox(g) —> NO(g) + H,0O(/) [unbalanced]

5.42 Aluminum reacts with excess hydrochloric acid to form aque-
ous aluminum chloride and 35.8 mL of hydrogen gas over water
at 27°C and 751 mmHg. How many grams of aluminum reacted?

5.43 How many liters of hydrogen gas are collected over water at
18°C and 725 mmHg when 0.84 g of lithium reacts with water?
Aqueous lithium hydroxide also forms.

544 The air in a hot-air balloon at 744 torr is heated from 17°C to
60.0°C. Assuming that the amount (mol) of air and the pressure
remain constant, what is the density of the air at each temperature?
(The average molar mass of air is 28.8 g/mol.)

545 A sample of a liquid hydrocarbon known to consist of mol-
ecules with five carbon atoms is vaporized in a 0.204-L flask by
immersion in a water bath at 101°C. The barometric pressure is
767 torr, and the remaining gas weighs 0.482 g. What is the molec-
ular formula of the hydrocarbon?

546 A sample of air contains 78.08% nitrogen, 20.94% oxygen,
0.05% carbon dioxide, and 0.93% argon, by volume. How many
molecules of each gas are present in 1.00 L of the sample at 25°C
and 1.00 atm?

547 An environmental chemist sampling industrial exhaust gases
from a coal-burning plant collects a CO,-SO,-H,O mixture in a
21-L steel tank until the pressure reaches 850. torr at 45°C.

(a) How many moles of gas are collected?

(b) If the SO, concentration in the mixture is 7.95X 103 parts per
million by volume (ppmv), what is its partial pressure? [Hint:
ppmv = (volume of component/volume of mixture) X 109.]

5.48 “Strike anywhere” matches contain the compound tetraphos-
phorus trisulfide, which burns to form tetraphosphorus decoxide
and sulfur dioxide gas. How many milliliters of sulfur dioxide,
measured at 725 torr and 32°C, can be produced from burning
0.800 g of tetraphosphorus trisulfide?

549 Xenon hexafluoride was one of the first noble gas com-
pounds synthesized. The solid reacts rapidly with the silicon diox-
ide in glass or quartz containers to form liquid XeOF, and gaseous
silicon tetrafluoride. What is the pressure in a 1.00-L container
at 25°C after 2.00 g of xenon hexafluoride reacts? (Assume that
silicon tetrafluoride is the only gas present and that it occupies the
entire volume.)

550 In the four piston-cylinder assemblies below, the reactant in
the left cylinder is about to undergo a reaction at constant 7 and P:

| @@ |(& e
*J ? @ J i’o ‘J
20L A 10L B 1.0L (o] 1.0L

Which of the other three depictions best represents the products
of the reaction?
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551 Roasting galena [lead(Il) sulfide] is a step in the industrial
isolation of lead. How many liters of sulfur dioxide, measured at
STP, are produced by the reaction of 3.75 kg of galena with 228 L
of oxygen gas at 220°C and 2.0 atm? Lead(II) oxide also forms.

The Kinetic-Molecular Theory:
A Model for Gas Behavior

(Sample Problem 5.13)

552 Use the kinetic-molecular theory to explain the change in gas
pressure that results from warming a sample of gas.

5.53 How does the kinetic-molecular theory explain why 1 mol of
krypton and 1 mol of helium have the same volume at STP?

5.54 Three 5-L flasks, fixed with pressure gauges and small valves,
each contain 4 g of gas at 273 K. Flask A contains H,, flask B
contains He, and flask C contains CH,. Rank the flask contents
in terms of (a) pressure, (b) average molecular kinetic energy,
(c) diffusion rate after the valve is opened, (d) total kinetic energy
of the molecules, (e) density, and (f) collision frequency.

555 What is the ratio of effusion rates for the lightest gas, H,, and
the heaviest known gas, UF,?

5.56 What is the ratio of effusion rates for O, and Kr?

557 The graph below shows the distribution of molecular speeds
for argon and helium at the same temperature.

1

N

Molecular speed
(a) Does curve 1 or 2 better represent the behavior of argon?
(b) Which curve represents the gas that effuses more slowly?
(c) Which curve more closely represents the behavior of fluorine
gas? Explain.

/2

Relative number
of molecules

558 The graph below shows the distribution of molecular speeds
for a gas at two different temperatures.

1

Relative number
of molecules
n

Molecular speed
(a) Does curve 1 or 2 better represent the behavior of the gas at the
lower temperature?
(b) Which curve represents the gas when it has a higher E,?
(c) Which curve is consistent with a higher diffusion rate?

5.59 At a given pressure and temperature, it takes 4.85 min for a
1.5-L sample of He to effuse through a membrane. How long does
it take for 1.5 L of F, to effuse under the same conditions?

5.60 A sample of an unknown gas effuses in 11.1 min. An equal
volume of H, in the same apparatus under the same conditions
effuses in 2.42 min. What is the molar mass of the unknown gas?
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5.61 White phosphorus melts and then vaporizes at high tempera-
ture. The gas effuses at a rate that is 0.404 times that of neon in the
same apparatus under the same conditions. How many atoms are
in a molecule of gaseous white phosphorus?

562 Helium (He) is the lightest noble gas component of
air, and xenon (Xe) is the heaviest. [For this problem, use
R = 8.314 J/(mol-K) and M in kg/mol.] (a) Find the rms speed of
He in winter (0.°C) and in summer (30.°C). (b) Compare the rms
speed of He with that of Xe at 30.°C. (c¢) Find the average kinetic
energy per mole of He and of Xe at 30.°C. (d) Find the average
kinetic energy per molecule of He at 30.°C.

5.63 A mixture of gaseous disulfur difluoride, dinitrogen tetra-
fluoride, and sulfur tetrafluoride is placed in an effusion apparatus.
(a) Rank the gases in order of increasing effusion rate. (b) Find the
ratio of effusion rates of disulfur difluoride and dinitrogen tetra-
fluoride. (c) If gas X is added, and it effuses at 0.935 times the rate
of sulfur tetrafluoride, find the molar mass of X.

Real Gases: Deviations from Ideal Behavior

564 Do interparticle attractions cause negative or positive
deviations from the PV/RT ratio of an ideal gas? Use Table 5.3 to
rank Kr, CO,, and N, in order of increasing magnitude of these
deviations.

5.65 Does particle volume cause negative or positive deviations
from the PV/RT ratio of an ideal gas? Use Table 5.3 to rank Cl,,
H,, and O, in order of increasing magnitude of these deviations.

5.66 Does N, behave more ideally at 1 atm or at 500 atm? Explain.

567 Does SF, (boiling point = 16°C at 1 atm) behave more ideally
at 150°C or at 20°C? Explain.

Comprehensive Problems

5.68 Hemoglobin is the protein that transports O, through the
blood from the lungs to the rest of the body. In doing so, each
molecule of hemoglobin combines with four molecules of O,. If
1.00 g of hemoglobin combines with 1.53 mL of O, at 37°C and
743 torr, what is the molar mass of hemoglobin?

569 A baker uses sodium hydrogen carbonate (baking soda) as
the leavening agent in a banana-nut quickbread. The baking soda
decomposes in either of two possible reactions:

(1) 2NaHCO;(s) —> Na,COs(s) + H,0() + CO4(g)

(2) NaHCO,(s) + H"(ag) — H,0()) + CO,(g) + Na*(aq)
Calculate the volume (in mL) of CO, that forms at 200.°C and
0.975 atm per gram of NaHCO; by each of the reaction processes.

570 Chlorine is produced from sodium chloride by the electro-
chemical chlor-alkali process. During the process, the chlorine is
collected in a container that is isolated from the other products to
prevent unwanted (and explosive) reactions. If a 15.50-L container
holds 0.5950 kg of Cl, gas at 225°C, calculate:

tm-L
(b) Pypw (use R = 0.08206 - )

@ Pior mol-K

571 In a certain experiment, magnesium boride (Mg;B,) reacted
with acid to form a mixture of four boron hydrides (B,H,), three as
liquids (labeled I, II, and III) and one as a gas (IV).

(a) When a 0.1000-g sample of each liquid was transferred to
an evacuated 750.0-mL container and volatilized at 70.00°C,

Uploaded By: anonymous


https://students-hub.com

sample I had a pressure of 0.05951 atm; sample II, 0.07045 atm;
and sample I1I, 0.05767 atm. What is the molar mass of each liquid?
(b) Boron is 85.63% by mass in sample I, 81.10% in II, and 82.98%
in III. What is the molecular formula of each sample?

(c) Sample IV was found to be 78.14% boron. Its rate of
effusion was compared to that of sulfur dioxide; under identical
conditions, 350.0 mL of sample IV effused in 12.00 min and
250.0 mL of sulfur dioxide effused in 13.04 min. What is the
molecular formula of sample IV?

5.72 Three equal volumes of gas mixtures, all at the same 7, are
depicted below (with gas A red, gas B green, and gas C blue):

(a) Which sample, if any, has the highest partial pressure of A?
(b) Which sample, if any, has the lowest partial pressure of B?

(c) In which sample, if any, do the gas particles have the highest
average kinetic energy?

5.73 When air is inhaled, it enters the alveoli of the lungs, and
varying amounts of the component gases exchange with dissolved
gases in the blood. The resulting alveolar gas mixture is quite dif-
ferent from the atmospheric mixture. The following table presents
selected data on the composition and partial pressure of four gases
in the atmosphere and in the alveoli:

Atmosphere (sea level) Alveoli
Partial Partial
Gas Mole % Pressure (torr) Mole % Pressure (torr)
N, 78.6 — — 569
0o, 20.9 — — 104
Cco,  00.04 — — 40
H,O 0046 — — 47

If the total pressure of each gas mixture is 1.00 atm, calculate:

(a) The partial pressure (in torr) of each gas in the atmosphere

(b) The mole % of each gas in the alveoli

(c) The number of O, molecules in 0.50 L of alveolar air (volume
of an average breath of a person at rest) at 37°C

5.74 Radon (Rn) is the heaviest, and only radioactive, member of
Group 8A(18) (noble gases). It is a product of the disintegration of
heavier radioactive nuclei found in minute concentrations in many
common rocks used for construction. In recent years, concern has
arisen about the incidence of lung cancer due to inhaled residential
radon. If 1.0X10'3 atoms of radium (Ra) produce an average of
1.373X10* atoms of Rn per second, how many liters of Rn, mea-
sured at STP, are produced per day by 1.0 g of Ra?

575 At 1450. mmHg and 286 K, a skin diver exhales a 208-mL
bubble of air that is 77% N,, 17% O,, and 6.0% CO, by volume.
(a) How many milliliters would the volume of the bubble be if it
were exhaled at the surface at 1 atm and 298 K?

(b) How many moles of N, are in the bubble?

5.76 Nitrogen dioxide is used industrially to produce nitric acid,
but it contributes to acid rain and photochemical smog. What vol-
ume (in L) of nitrogen dioxide is formed at 735 torr and 28.2°C by
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reacting 4.95 cm? of copper (d = 8.95 g/cm?) with 230.0 mL of
nitric acid (d = 1.42 g/cm?, 68.0% HNO, by mass)?

Cu(s) + 4HNO;(ag) — Cu(NO;),(ag) + 2NO,(g) + 2H,0()

5.77 In a collision of sufficient force, automobile air bags respond
by electrically triggering the explosive decomposition of sodium
azide (NaN,) to its elements. A 50.0-g sample of sodium azide was
decomposed, and the nitrogen gas generated was collected over
water at 26°C. The total pressure was 745.5 mmHg. How many
liters of dry N, were generated?

5.78 An anesthetic gas contains 64.81% carbon, 13.60% hydrogen,
and 21.59% oxygen, by mass. If 2.00 L of the gas at 25°C and
0.420 atm weighs 2.57 g, what is the molecular formula of the
anesthetic?

5.79 Aluminum chloride is easily vaporized above 180°C. The
gas escapes through a pinhole 0.122 times as fast as helium at the
same conditions of temperature and pressure in the same appa-
ratus. What is the molecular formula of aluminum chloride gas?

580 An atmospheric chemist studying the pollutant SO, places
a mixture of SO, and O, in a 2.00-L container at 800. K and
1.90 atm. When the reaction occurs, gaseous SO; forms, and the
pressure falls to 1.65 atm. How many moles of SO; form?

581 The thermal decomposition of ethylene occurs during the
compound’s transit in pipelines and during the formation of poly-
ethylene. The decomposition reaction is

CH, = CH,(g) —> CH,(g) + C(graphite)

If the decomposition begins at 10°C and 50.0 atm with a gas den-
sity of 0.215 g/mL and the temperature increases by 950 K,

(a) What is the final pressure of the confined gas (ignore the
volume of graphite and use the van der Waals equation)?

(b) How does the PV/RT value of CH, compare to that in Figure
5.21? Explain.

582 Liquid nitrogen trichloride is heated in a 2.50-L closed reac-
tion vessel until it decomposes completely to gaseous elements.
The resulting mixture exerts a pressure of 754 mmHg at 95°C.

(a) What is the partial pressure of each gas in the container?
(b) What is the mass of the original sample?

5.83 Analysis of a newly discovered gaseous silicon-fluorine com-
pound shows that it contains 33.01 mass % silicon. At 27°C, 2.60 g
of the compound exerts a pressure of 1.50 atm in a 0.250-L vessel.
What is the molecular formula of the compound?

584 Azodicarbonamide, NH,CON=NCONH,, is a blowing
(foaming) agent for sponge rubber and expanded plastics. Its
decomposition at 195-202°C is given by

NH,CON=NCONH,(s) —
NH;(g) + CO(g) + Ny(g) + HCNO(g)
NH;(g) + HCNO(g) — nonvolatile polymers(s)

Calculate the volume (in mL) of gas, corrected to STP, in the final
mixture from decomposition of 1.00 g of azodicarbonamide.

5.85 A gaseous organic compound containing only carbon, hydro-
gen, and nitrogen is burned in oxygen gas, and the volume of each
reactant and product is measured under the same conditions of
temperature and pressure. Reaction of four volumes of the com-
pound produces four volumes of CO,, two volumes of N,, and
ten volumes of water vapor. (a) How many volumes of O, were
required? (b) What is the empirical formula of the compound?
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586 Containers A, B, and C are attached by closed stopcocks of
negligible volume.

a L v:‘-‘iu o |

If each particle shown in the picture represents 10° particles,

(a) How many blue particles and black particles are in B after the
stopcocks are opened and the system reaches equilibrium?

(b) How many blue particles and black particles are in A after the
stopcocks are opened and the system reaches equilibrium?

(c) If the pressure in C, P, is 750 torr before the stopcocks are
opened, what is P afterward? (d) What is Py afterward?

5.87 Combustible vapor-air mixtures are flammable over a limited
range of concentrations. The minimum volume % of vapor that
gives a combustible mixture is called the lower flammable limit
(LFL). Generally, the LFL is about half the stoichiometric mixture,
the concentration required for complete combustion of the vapor in
air. (a) If oxygen is 20.9 vol % of air, estimate the LFL for n-hexane,
C,H,,. (b) What volume (in mL) of n-hexane (d = 0.660 g/cm?) is
required to produce a flammable mixture of hexane in 1.000 m? of
air at STP?

588 By what factor would a scuba diver’s lungs expand if she
ascended rapidly to the surface from a depth of 125 ft without inhal-
ing or exhaling? If an expansion factor greater than 1.5 causes lung
rupture, how far could she safely ascend from 125 ft without breath-
ing? Assume constant temperature (d of seawater = 1.04 g/mL;
dof Hg = 13.5 g/mL).

5.89 At a height of 300 km above Earth’s surface, an astronaut finds
that the atmospheric pressure is about 10~8 mmHg and the tempera-
ture is 500 K. How many molecules of gas are there per milliliter at
this altitude?

590 (a) What is the rms speed of O, at STP? (b) If the average dis-
tance between O, molecules at STP is 6.33X107% m, how many
collisions are there per second? [Use R = 8.314 J/(mol-K) and M
in kg/mol.]

591 Standard conditions are based on relevant environmental
conditions. If normal average surface temperature and pressure on
Venus are 730. K and 90 atm, respectively, what is the standard
molar volume of an ideal gas on Venus?

592 Each day, the Hawaiian volcano Kilauea emits an average
of 1.5X10° m? of gas, when corrected to 298 K and 1.00 atm.
The mixture contains gases that contribute to global warming and
acid rain, and some are toxic. An atmospheric chemist analyzes
a sample and finds the following mole fractions: 0.4896 CO,,
0.0146 CO, 0.3710 H,0, 0.1185 SO,, 0.0003 S,, 0.0047 H,,
0.0008 HCI, and 0.0003 H,S. How many metric tons (t) of each
gas are emitted per year (1t = 1000 kg)?

593 To study a key fuel-cell reaction, a chemical engineer has
20.0-L tanks of H, and of O, and wants to use up both tanks to
form 28.0 mol of water at 23.8°C. (a) Use the ideal gas law to
find the pressure needed in each tank. (b) Use the van der Waals
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equation to find the pressure needed in each tank. (c) Compare the
results from the two equations.

594 How many liters of gaseous hydrogen bromide at 29°C and
0.965 atm will a chemist need if she wishes to prepare 3.50 L of
1.20 M hydrobromic acid?

5.95 A mixture of CO, and Kr weighs 35.0 g and exerts a pressure
of 0.708 atm in its container. Since Kr is expensive, you wish to
recover it from the mixture. After the CO, is completely removed
by absorption with NaOH(s), the pressure in the container is
0.250 atm. How many grams of CO, were originally present? How
many grams of Kr can you recover?

596 Aqueous sulfurous acid (H,SO;) was made by dissolving
0.200 L of sulfur dioxide gas at 19°C and 745 mmHg in water to
yield 500.0 mL of solution. The acid solution required 10.0 mL of
sodium hydroxide solution to reach the titration end point. What
was the molarity of the sodium hydroxide solution?

5.97 A person inhales air richer in O, and exhales air richer in CO,
and water vapor. During each hour of sleep, a person exhales a
total of about 300 L of this CO,-enriched and H,O-enriched air.
(a) If the partial pressures of CO, and H,O in exhaled air are each
30.0 torr at 37.0°C, calculate the mass (g) of CO, and of H,0O
exhaled in 1 h of sleep. (b) How many grams of body mass does
the person lose in an 8-h sleep if all the CO, and H,O exhaled
come from the metabolism of glucose?

CeH1204(s) + 60,(g) —> 6CO,(g) + 6H,0(g)

5.98 Given these relationships for average kinetic energy,
 _1 7 = _3 R
Ek=§m and EkziiT
Ny
where m is molecular mass, « is rms speed, R is the gas constant

[in J/(mol-K)], N, is Avogadro’s number, and T is absolute tem-
perature: (a) derive Equation 5.13; (b) derive Equation 5.14.

5.99 Many water treatment plants use chlorine gas to kill micro-
organisms before the water is released for residential use. A plant
engineer has to maintain the chlorine pressure in a tank below the
85.0-atm rating and, to be safe, decides to fill the tank to 80.0% of
this maximum pressure.

(a) How many moles of Cl, gas can be kept in an 850.-L tank at
298 K if she uses the ideal gas law in the calculation?

(b) What is the tank pressure if she uses the van der Waals equa-
tion for this amount of gas? (c) Did the engineer fill the tank to the
desired pressure?

5100 In A, the picture shows a cylinder with 0.1 mol of a gas
that behaves ideally. Choose the cylinder (B, C, or D) that cor-
rectly represents the volume of the gas after each of the following
changes. If none of the cylinders is correct, specify “none.”

(a) P is doubled at fixed n and T.

(b) T is reduced from 400 K to 200 K at fixed n and P.

(¢) Tis increased from 100°C to 200°C at fixed n and P.

(d) 0.1 mol of gas is added at fixed P and T.

(e) 0.1 mol of gas is added and P is doubled at fixed T.

oL H-J
, - | = |

A B Cc D
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5101 A 6.0-L flask contains a mixture of methane (CH,), argon,
and helium at 45°C and 1.75 atm. If the mole fractions of helium
and argon are 0.25 and 0.35, respectively, how many molecules of
methane are present?

5102 A large portion of metabolic energy arises from the biologi-
cal combustion of glucose:

CsH,04(s) + 60,(g) —> 6CO,(g) + 6H,0(g)

(a) If this reaction is carried out in an expandable container at 37°C
and 780. torr, what volume of CO, is produced from 20.0 g of
glucose and excess O,? (b) If the reaction is carried out at the
same conditions with the stoichiometric amount of O,, what is the
partial pressure of each gas when the reaction is 50% complete
(10.0 g of glucose remains)?

5103 According to government standards, the 8-h threshold limit
value is 5000 ppmyv for CO, and 0.1 ppmv for Br, (1 ppmv is
1 part by volume in 10° parts by volume). Exposure to either gas
for 8 h above these limits is unsafe. At STP, which of the following
would be unsafe for 8 h of exposure?

(a) Air with a partial pressure of 0.2 torr of Br,

(b) Air with a partial pressure of 0.2 torr of CO,

(c) 1000 L of air containing 0.0004 g of Br, gas

(d) 1000 L of air containing 2.8 X 10?2 molecules of CO,

5104 One way to prevent emission of the pollutant NO from
industrial plants is by a catalyzed reaction with NHj:
4NH;(g) + 4NO(g) + Oi(g)

catalyst

— 4Ny(g) + 6H,0(g)
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(a) If the NO has a partial pressure of 4.5X107° atm in the flue
gas, how many liters of NH; are needed per liter of flue gas at
1.00 atm? (b) If the reaction takes place at 1.00 atm and 365°C,
how many grams of NHj; are needed per kL of flue gas?

5105 An equimolar mixture of Ne and Xe is accidentally placed
in a container that has a tiny leak. After a short while, a very small
proportion of the mixture has escaped. What is the mole fraction of
Ne in the effusing gas?

5106 One way to utilize naturally occurring uranium (0.72% >U
and 99.27% 23%U) as a nuclear fuel is to enrich it (increase its 2>>U
content) by allowing gaseous UF; to effuse through a porous mem-
brane (see p. 176). From the relative rates of effusion of >>UF, and
2BUF, find the number of steps needed to produce uranium that is
3.0 mole % 23°U, the enriched fuel used in many nuclear reactors.

5.107 In preparation for a combustion demonstration, a professor
fills a balloon with equal molar amounts of H, and O,, but the
demonstration has to be postponed until the next day. During the
night, both gases leak through pores in the balloon. If 35% of
the H, leaks, what is the O,/H, ratio in the balloon the next day?

5108 Phosphorus trichloride is important in the manufacture of
insecticides, fuel additives, and flame retardants. Phosphorus has
only one naturally occurring isotope, 3'P, whereas chlorine has
two, 3Cl (75%) and *’Cl (25%). (a) What different molecular
masses (in amu) can be found for PCl;? (b) Which is the most
abundant? (¢) What is the ratio of the effusion rates of the heaviest
and the lightest PCI; molecules?
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