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Gases

Chapter 10

1

CHARACTERISTICS OF GASES

In many ways gases are the most easily understood form of matter. 
Even though different gaseous substances may have very different 
chemical properties, they behave quite similarly as far as their 
physical properties are concerned. 

For example, we live in an atmosphere composed of the mixture of 
gases we refer to as air, a mixture of primarily N2 (78%) and O2
(21%), with small amounts of several other gases, including Ar . 
Although N2 and O2 have very different chemical properties—O2
supports human life but N2 does not, to name just one 
difference—these two components of air behave physically as one 
gaseous material because their physical properties are essentially 
identical. Of the few elements that exist as gases at ordinary 
temperatures and pressures, He, Ne, Ar, Kr, and Xe are monatomic 
and H2, N2 ,O2, F2, and Cl2 are diatomic.

2

CHARACTERISTICS OF GASES

Many molecular compounds are gases. Notice that all of these gases are 
composed entirely of nonmetallic elements. Furthermore, all have 
simple molecular formulas and, therefore, low molar masses.

Substances that are liquids or solids under ordinary conditions can also exist 
in the gaseous state, where they are often referred to as vapors. The 
substance H2O, for example, can exist as liquid water, solid ice, or water 
vapor.

Gases differ significantly from solids and liquids in several respects. For 
example, a gas expands spontaneously to fill its container. Consequently, 
the volume of a gas equals the volume of its container. Gases also are 
highly compressible: When pressure is applied to a gas, its volume 
readily decreases. Solids and liquids, on the other hand, do not expand 
to fill their containers and are not readily compressible.

3

CHARACTERISTICS OF GASES

Two or more gases form a homogeneous mixture regardless of the 
identities or relative proportions of the gases; the atmosphere 
serves as an excellent example. Two or more liquids or two or 
more solids may or may not form homogeneous mixtures, 
depending on their chemical nature. For example, when water 
and gasoline are mixed, the two liquids remain as separate layers. 
In contrast, the water vapor and gasoline vapors above the liquids 
form a homogeneous gas mixture.

The characteristic properties of gases––expanding to fill a container, 
being highly  compressible, forming homogeneous mixtures––
arise because the molecules are relatively far apart. In any given 
volume of air, for example, the molecules take up only about 0.1% 
of the total volume with the rest being empty space. Thus, each 
molecule behaves largely as though the others were not present. 
As a result, different gases behave similarly even though they are 
made up of different molecules.
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PRESSURE

In everyday terms, pressure conveys the idea of 
force, a push that tends to move something in a 
given direction. Pressure, P, is defined in science 
as the force, F, that acts on a given area, A.

P = F/A

Gases exert a pressure on any surface with which 
they are in contact. The gas in an inflated 
balloon, for example, exerts a pressure on the 
inside surface of the balloon.

6

Atmospheric Pressure

People, apples, and nitrogen molecules all experience an attractive 
gravitational force that pulls them toward the center of Earth. 
When an apple comes loose from a tree, for example, this force 
causes the apple to be accelerated toward Earth, its speed 
increasing as its potential energy is converted into kinetic energy. 

The gas atoms and molecules of the atmosphere also experience  
kinetic energies that are larger than the gravitational forces, so 
the particles that make up the atmosphere don’t pile up at Earth’s 
surface.

Nevertheless, the gravitational force does operate, and it causes the 
atmosphere as a whole to press down on Earth’s surface, creating 
atmospheric pressure.

7

You can demonstrate the existence of atmospheric pressure with an empty 
plastic water bottle. If you suck on the mouth of the empty bottle, you 
can cause the bottle to partially cave in. When you break the partial 
vacuum you have created, the bottle pops out to its original shape. The 
bottle caves in because, once you’ve sucked out some of the air 
molecules, air molecules in the atmosphere exert a force on the outside 
of the bottle that is greater than the force exerted by the lesser number 
of air molecules inside the bottle.

The force, F, exerted by any object is the product of its mass, m, and its 
acceleration, a:

F = ma
The acceleration given by Earth’s gravitational force to any object located 

near Earth’s surface is 9.8 m/s2 . Now imagine a column of air 1 m2 in 
cross section extending through the entire atmosphere. That column has 
a mass of roughly 10,000 kg. The downward gravitational force exerted 
on this column is:

F = (10000 kg)(9.8 m/s2) = 1*105 kg m/s2 = 1*105 N, to one significant figure.
where N is the abbreviation for newton, the SI unit for force.
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The pressure exerted by the column is this force divided by the cross-
sectional area, A, over which the force is applied. Because our air column 
has a cross-sectional area of 1 m2, we have for the magnitude of 
atmospheric pressure at sea level:

The SI unit of pressure is the  pascal (Pa), named after Blaise Pascal (1623–
1662), a French scientist who studied pressure: 1 Pa = 1 N/m2. 

A related pressure unit is the bar: 1 bar = 105 Pascal. Thus, the atmospheric 
pressure at sea level we just calculated, 100 kPa, can be reported as 1 
bar. (The actual atmospheric pressure at any location depends on 
weather conditions and altitude).

Another pressure unit is pounds per square inch (psi). At sea level, 
atmospheric pressure is 14.7 psi.

910

Gases (2)

Lecture 28
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The Barometer

In the seventeenth century many scientists and philosophers 
believed that the atmosphere had no weight. Evangelista Torricelli 
(1608–1647), a student of Galileo’s, proved this untrue. He 
invented the barometer, which is made from a glass tube more 
than 760 mm long that is closed at one end, completely filled with 
mercury, and inverted into a dish of mercury. When the tube is 
inverted into the dish, some of the mercury flows out of the tube, 
but a column of mercury remains in the tube. 

Torricelli argued that the mercury surface in the dish experiences the 
full force of Earth’s atmosphere, which pushes the mercury up the 
tube until the pressure exerted by the mercury column 
downward, due to gravity, equals the atmospheric pressure at the 
base of the tube. Therefore the height, h, of the mercury column 
is a measure of atmospheric pressure and changes as atmospheric 
pressure changes.

12
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A mercury barometer

13

Although Torricelli’s explanation met with fierce 
opposition, it also had supporters.  Blaise Pascal, for 
example, had one of Torricelli’s barometers carried to 
the top of a mountain and compared its reading there 
with the reading on a duplicate barometer at the base 
of the mountain. 

As the barometer was carried up, the height of the 
mercury column diminished, as expected, because 
the amount of atmosphere pressing down on the 
mercury in the dish decreased as the instrument was 
carried higher. These and other experiments 
eventually prevailed, and the idea that the 
atmosphere has weight became accepted.

14

Standard atmospheric pressure, which corresponds to the 
typical pressure at sea level, is the pressure sufficient to 
support a column of mercury 760 mm high. In SI units this 
pressure is 1.01325 * 105 Pa. Standard atmospheric 
pressure defines some common non–SI units used to 
express gas pressure, such as the atmosphere (atm) and 
the millimeter of mercury (mm Hg). The latter unit is also 
called the  torr, after Torricelli: 1 torr = 1 mm Hg.

Thus, we have:

1 atm = 760 mm Hg = 760 torr = 1.01325 * 105 Pa = 101.325 
kPa = 1.01325 bar

We will usually express gas pressure in atmospheres, pascals, 
kilopascals, or torr, so you  should be comfortable 
converting pressures from one unit to another.

15

(a) Convert 0.357 atm to torr,  (b) Convert 6.6 * 
10-2 torr to atmospheres, (c) Convert 147.2 
kPa to torr

a. torr = 0.357 atm*{760 torr/1 atm} = 721 torr

b. atm = 6.6*10-2 torr *(1 atm/760 torr) = 8*10-5 atm

c. torr = 147.2 kPa * (760 torr/101.325 kPa) = 1044 
torr
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(a) Convert a pressure of 745 torr to kilopascals. 
(b) The pressure at the center of Hurricane 
Katrina was 902 mbar (millibars). There are 
1000 mbar in 1 bar; convert this pressure to 
atmospheres.

a. kPa = 745 torr * {101.325 kPa/760 torr} = 
99.3 kPa

b. atm = 902*10-3 bar * (1 atm/1.01325 bar) = 
0.890 atm

17

A mercury manometer

18

A sample of gas is placed in a flask attached 
to an open-end mercury manometer, and 
a meter stick is used to measure the 
height of the mercury in the two arms of 
the U-tube. The height of the mercury in 
the open-end arm is 136.4 mm, and the 
height in the arm in contact with the gas 
in the flask is 103.8 mm. What is the 
pressure of the gas in the flask (a) in 
atmospheres, (b) in kilopascals? 
Atmospheric pressure was 764.7 torr.

Pgas = Patm + Ph (mm Hg)
= 764.7 torr + (136.4 – 103.8) torr = 

797.3 torr
Pgas (atm) = (797.3 torr)*{1 atm/760 torr) = 

1.049 atm
Pgas (kPa) = (1.049 atm)*{101.325 kPa/1 atm) = 

106.3 kPa

19

THE GAS LAWS

Four variables are needed to define the physical 
condition, or state, of a gas: temperature, 
pressure, volume, and amount of gas, usually 
expressed as number of moles. 

The equations that express the relationships 
among these four variables are known as the gas 
laws. Because volume is easily measured, the 
first gas laws to be studied expressed the effect 
of one of the variables on volume, with the 
remaining variables held constant.

20



15/03/1436

6

The Pressure–Volume Relationship: Boyle’s Law

An inflated weather balloon 
released at Earth’s surface 
expands as it rises because the 
pressure of the atmosphere 
decreases with increasing 
elevation. Thus, for our first 
pressure–volume relationship 
we can use our experience with 
balloons to say that gas volume 
increases as the pressure 
exerted on the gas decreases.

21

Boyle’s experiment relating pressure and volume for a gas

22

Boyle’s Law

Boyle’s law, which summarizes these observations, states that the 
volume of a fixed quantity of gas maintained at constant 
temperature is inversely proportional to the pressure. When two 
measurements are inversely proportional, one gets smaller as the 
other gets larger. Boyle’s law can be expressed mathematically as:

V = constant *1/P
or  PV = constant

The value of the constant depends on temperature and on the 
amount of gas in the sample.

The following  graph of V versus P shows the curve obtained for a 
given quantity of gas at a fixed temperature. A linear relationship 
is obtained when V is plotted versus (1/P) as shown on the right in 
following  figure.

2324
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The Temperature–Volume Relationship:
Charles’s Law

As the following figure illustrates, the volume of 
an inflated balloon increases when the 
temperature of the gas inside the balloon 
increases and the volume decreases when the 
temperature of the gas decreases.

The relationship between gas volume and 
temperature—volume increases as temperature 
increases and decreases as temperature 
decreases—was discovered in 1787 by French 
scientist Jacques Charles (1746–1823).

2526

Some typical volume–temperature data are shown in the 
figure below. Notice that the extrapolated (dashed) line 
passes through -273 °C. Note also that the gas is predicted 
to have zero volume at this temperature. This condition is 
never realized, however, because all gases liquefy or 
solidify before reaching this temperature.

In 1848 William Thomson (1824–1907), a British physicist 
whose title was Lord Kelvin, proposed an absolute-
temperature scale, now known as the Kelvin scale. On this 
scale 0 K, called absolute zero, equals -273.15 oC.

In terms of the Kelvin scale, Charles’s law states: The volume 
of a fixed amount of gas maintained at constant pressure 
is directly proportional to its absolute temperature.  Thus, 
doubling the absolute temperature causes the gas volume 
to double.
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The Quantity–Volume Relationship: 
Avogadro’s Law

The relationship between the quantity of a gas and its 
volume follows from the work of Joseph Louis Gay-
Lussac (1778–1823) and Amedeo Avogadro (1776–
1856).

In 1808 he observed the law of combining  volumes: At a 
given pressure and temperature, the volumes of  
gases that react with one another are in the ratios of 
small whole numbers. For example, two volumes of 
hydrogen gas react with one volume of oxygen gas to 
form two volumes of water vapor.

29

Three years later Amedeo Avogadro interpreted Gay-Lussac’s 
observation by proposing what is now known as Avogadro’s 
hypothesis: Equal volumes of gases at the same temperature and 
pressure contain equal numbers of molecules. For example, 22.4 L 
of any gas at 0 °C and 1 atm contain 6.02*1023 gas molecules (that 
is, 1 mol).

30

Avogadro’s Law

Avogadro’s law follows from Avogadro’s hypothesis: The volume of a 
gas maintained at constant temperature and pressure is directly 
proportional to the number of moles of the gas. That is,

V = constant * n

where n is number of moles. Thus, for instance, doubling the number 
of moles of gas causes the volume to double if T and P remain 
constant.

What happens to the density of a gas as (a) the gas is heated in a 
constant-volume container; (b) the gas is compressed at constant 
temperature; (c) additional gas is added to a constant-volume 
container?

Answers: (a) no change, (b) increases, (c) increases

31

Indicate how each of the following changes affects the average distance 
between molecules, the pressure of the gas, and the number of moles of 
the gas confined to a cylinder with a movable piston: (a) Heat the gas 
from 298 K to 360 K at constant pressure.

Heating the gas while maintaining constant pressure will cause the piston to 
move and the volume to increase (Charles’s law). Thus, the distance 
between molecules will increase. At constant pressure, obviously, the 
pressure will not change. The total number of moles of gas remains the 
same.

(b) Reduce the volume from 1 L to 0.5 L at constant temperature. 

Compressing the gas into a smaller volume does not change the total 
number of gas molecules; thus, the total number of moles remains the 
same. The average distance between molecules, however, must decrease 
because of the smaller volume. The reduction in volume causes the 
pressure to increase (Boyle’s law).

32
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(c) Inject additional gas, keeping temperature and volume 
constant. 

Injecting more gas into the cylinder while keeping the 
volume and temperature constant results in more 
molecules and, thus, an increase in the number of moles 
of gas in the cylinder.

The average distance between molecules must decrease 
because their number per unit volume increases. 
Avogadro’s law tells us that the volume of the cylinder 
should have increased when we added more gas, but here 
the volume is fixed. Boyle’s law comes to our aid: If the 
volume is low, then pressure is high. Therefore, we expect 
that the pressure will increase in the cylinder if we inject 
more gas, keeping volume and temperature constant.

33

THE IDEAL-GAS EQUATION

All three laws we just examined were obtained by holding two of the 
four variables P, V, T, and n constant and seeing how the 
remaining two variables affect each other. We can express each 
law as a proportionality relationship. Using the symbol α for “is 
proportional to,” we have:

P α 1/V, V α T, V α n

PV α nT, or

PV = nRT

which is the ideal-gas equation (also called the ideal-gas law). An 
ideal gas is a hypothetical gas whose pressure, volume, and 
temperature relationships are described completely by the ideal-
gas equation.

34

35

Volume of 1 mole of gas at STP

In this chapter we will most often use R = 0.082 L 
atm/mol k, because pressure is most often given 
in atmospheres.

Suppose we have 1.000 mol of an ideal gas at 
1.000 atm and (273.15 K). According to the 
ideal-gas equation, the volume of the gas is:
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STP Conditions

The conditions 0 °C and 1 atm are referred to as 
standard temperature and pressure (STP). 
The volume occupied by 1 mol of ideal gas at 
STP, 22.41 L, is known as the molar volume of 
an ideal gas at STP.

How many molecules are in 22.41 L of an ideal 
gas at STP?

Answer: 6.023 x 1023 molecules

37

Calcium carbonate,CaCO3(s) decomposes upon heating to CaO(s) 
and CO2(g). A sample of CaCO3 is decomposed, and the carbon 
dioxide is collected in a 250-mL flask. After decomposition is 
complete, the gas has a pressure of 1.3 atm at a temperature of 
31 °C. How many moles of CO2   gas were generated?

T = 31 °C = (31 + 273) K = 304 K

P = 1.3 atm

V = 250 mL = 0.250 L

38

Tennis balls are usually filled with either air or N2

gas to a pressure above atmospheric pressure. If 
a tennis ball has a volume of 144 cm3 and 
contains 0.33 g of N2 gas, what is the pressure 
inside the ball at 24 °C? 

n = mol N2 = 0.33g/(28 g/mol) = 0.0118
P = nRT/V 
P = 0.0118 mol*0.082 L atm mol-1L-1*(273+24)}/0.144 L

P = 1.99 atm

39

If a cylinder fitted with a movable piston holds 50.0 L of O2 gas 
at 18.5 atm and 21 °C, what volume will the gas occupy if the 
temperature is maintained at 21 °C while the pressure is 
reduced to 1.00 atm? 

Because the product PV is a constant when a gas is held at 
constant n and T, we know that: constants

P1V1 = P2V2, Since n, R and T are 

Where P1 and V1 are initial values and P2 and V2 are final 
values. Dividing both sides of this equation by P2 gives the 
final volume, V2: 

40
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The gas pressure in an aerosol can is 1.5 atm at 
25 °C. Assuming that the gas obeys the ideal-
gas equation, what is the pressure when the 
can is heated to 450 °C? 

P1V1/ P2V2 = {n1RT1/n2RT2}
V1= V2 and  n1=n2

P1/ P2 = {T1/T2}
1.5/ P2 = {(273+25)/(273+450)} = 
P2 = 3.6 atm

41

The pressure in a natural-gas tank is maintained at 
2.20 atm. On a day when the temperature is  –
15 °C, the volume of gas in the tank is 3.25*103

m3. What is the volume of the same quantity of 
gas on a day when the temperature is 31 °C?

P1V1/ P2V2 = {n1RT1/n2RT2}
P1 = P2 = 2.2 atm and n1=n2

V1/ V2 = {T1/T2}
3.25*103 / V2 = {(273+(-15))/(273+31)}
V2 = 3.83*103 m3

42

A 0.50-mol sample of oxygen gas is confined at 0 
oC and 1.0 atm in a cylinder with a movable 
piston. The piston compresses the gas so that 
the final volume is half the initial volume and 
the final pressure is 2.2 atm. What is the final 
temperature of the gas in degrees Celsius?

P1V1/ P2V2 = {n1RT1/n2RT2} , n1=n2

P1V1/ P2V2 = {T1/T2}
1.0*(2V) / 2.2 V = {273/T2}
T2 = 300 K or 27 oC

43

Gas Densities and Molar Mass

Recall that density has units of mass per unit volume ( d 
= m/V) . We can arrange the ideal-gas equation to 
obtain the similar units of moles per unit volume:

PVL = nRT
n/VL = P/RT

If we multiply both sides of this equation by the molar 
mass, FW, which is the number of grams in 1 mol  
substance, we obtain

N*(FW)/VL = P*(FW)/RT
d = P*(FW)/RT, since d = n*(FW)/VL = g/VL

44
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A 250 mL gas sample at 25 oC has a pressure of 550 torr.
If the gas weighs 0.118 g, find its molecular mass.

The ideal gas law uses the unit of atm rather than torr;
therefore convert torr to atm:

P = 550 torr/(760 torr/1 atm) = 0.724 atm

PV = nRT
0.724 atm * 0.250 L = n * 0.0821 L atm mol-1 K-1 * 298 K
n = 0.00740
n = Wt/FW
0.00740 mol = 0.118 g/FW
FW = 0.118g/0.00740 mol = 15.9 g/mol

45

The density of a gas is 1.34 g/L at 25 oC and 760 torr. If the gas is composed
of 79.8% carbon and 20.2% hydrogen: Find the molecular mass and
molecular formula of the gas.

Mol C = 79.8 g C * mol C/12.0 g C = 6.65 mol C
Mol O = 20.2 g H * mol O/1.0 g H = 20.0 mol H
Empirical formula = CH3

Assume we have 1 L of the gas; the mass of the gas is thus 1.34 g
PV = nRT
1 atm * 1 L = n * 0.0821 L atm mol-1 K-1 * 298 K
n = 0.0409 mol
n = Wt/FW
0.0409 mol = 1.34 g/ FW
FW = 1.34 g/0.0409 mol = 32.8 g/mol

Factor = 32.8/15.0 = 2.19 ~ 2
Therefore, the molecular formula is C2H6

46

A 70.0 g sample of a pure gaseous substance 
occupies 28.1 L at 25oC and 800 torr. 
Calculate the molar mass of the gas.

PV = nRT
(800/760) * 28.1 = n * 0.082* 298
n = 1.21 mol
n = Wt/FW 
1.21 = 70.0/FW
FW = 70/1.21 = 58 g/mol

47

What is the density of carbon tetrachloride 
vapor at 714 torr and 125 °C?

d = P*(FW)/RT

P should be in atm, T in K, and R = 0.082 L atm
mol-1 L-1

d= {714 torr * (1 atm/760 torr)*153.8} / 
{0.082*398} = 4.42 g/L

48
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A large evacuated flask initially has a mass of 
134.567 g. When the flask is filled with a gas of 
unknown molar mass to a pressure of 735 torr at 
31 °C, its mass is 137.456 g. If the flask has a 
volume of 936 mL,  calculate the molar mass of 
the gas.

Mass of gas = 134.567-137.456 = 2.889
Density of the gas = 2.889/0.936 = 3.09 g/L
d = P*FW/RT
FW = d*RT/P = 3.09*0.082*304/(735/760) =79.6 

g/mol

49

Calculate the average molar mass of dry air if it 
has a density of 1.17 g/L at 21 °C and 740.0 
torr.

d = P*FW/RT

FW = d*RT/P

FW = 1.17*0.082*294/(740/760) = 29.0 g/mol

50

Volumes of Gases in Chemical 
Reactions

We are often concerned with knowing the identity and/or 
quantity of a gas involved in a chemical reaction. Thus, it 
is useful to be able to calculate the volumes of gases 
consumed or produced in reactions. Such calculations are 
based on the mole concept and balanced chemical 
equations. 

The coefficients in a balanced chemical equation tell us the 
relative amounts (in moles) of reactants and products in a 
reaction.

The ideal-gas equation relates the number moles of a gas to 
P, V, and T.

51

Automobile air bags are inflated by nitrogen gas 
generated by the rapid decomposition of sodium 
azide, NaN3:

2 NaN3(s) g 2 Na(s) + 3 N2(g)
If an air bag has a volume of 36 L and is to be filled 

with nitrogen gas at 1.15 atm and 26.0 °C, how 
many grams of NaN3 must be decomposed?

PV = nRT or n = PV/RT
n = 1.15*36/(0.082*299) = 1.69 mol N2

mol NaN3 = (2/3) mol N2 = 1.69(2/3) 
g NaN3 = 1.69(2/3) * 65 = 73.1 g  

52
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Dalton’s Law of Partial Pressures

When two or more gases that do not react with
each other are placed in a container, the
resulting pressure is the sum of partial
pressures of all gases.

PT = PA + PB + PC + ….
Where PT is the total pressure and PA, PB, and 

PC are partial pressures of gases A, B, and C.

53

If 200 mL of N2 at 25 oC and a pressure of 250 torr are mixed with
350 mL of O2 at 25 oC and a pressure of 300 torr, so that the resulting
volume is 300 mL. What would be the final pressure of the mixture at
25 oC?

Since T and n are constants
Ø For N2
PiVi = PiVf Since n, R, and T are constants
250 torr * 200 mL = PN2 * 300 mL
PN2 = 167 torr

Ø For O2
PiVi = PiVf Since n, R, and T are constants
300 torr * 350 mL/298 K = PO2 * 300 mL/298 K
PO2 = 350 torr

Ø PT = PN2 + PO2
PT = 167 + 350 = 517 torr

54

A mixture of 6.00 g O2(g) and 9.00 g CH4(g) is 
placed in a 15.0-L vessel at 0 oC. What is the 
partial pressure of each gas, and what is the 
total pressure in the vessel?

n(O2) = 6.00/32 = 0.1875
PO2 = nRT/V = 0.1875*0.082*273/15.0 = 0.28 atm
n(CH4) = 9.00/16 = 0.5625
P(CH4) = nRT/V = 0.5625*0.082*273/15.0 = 0.84 atm
Pt = PO2 + PCH4 = 0.28+0.84 = 1.12 atm

55

What is the total pressure exerted by a mixture 
of 2.00 g of H2(g) and 8.00 g of N2(g) at 273 K 
in a 10.0-L vessel?

n(H2) = 2.00/2 = 1.0
PH2 = nRT/V = 1.0*0.082*273/10.0 = 2.24 atm
n(N2) = 8.00/28 = 0.286
P(N2) = nRT/V = 0.286*0.082*273/10.0 = 0.64 

atm
Pt = PH2 + PN2 = 2.24+0.64 = 2.88 atm
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Partial Pressures and Mole Fractions

Because each gas in a mixture behaves independently, we can relate the 
amount o f a given gas in a mixture to its partial pressure. For an ideal 
gas, we can write

The ratio (n1/nt) is called the mole fraction of  gas 1, which we denote X1. 
The mole fraction, X, is a dimensionless number that expresses the ratio 
of the number of moles of one component in a mixture to the total 
number of moles in the mixture. Thus,for gas 1 we have

We can write:

57

Since V, R, and T are the same

Assume a gas mixture containing 1 mole of O2 and
4 moles of N2. If the pressure of the mixture is
500 torr, find the partial pressure of each gas.

XO2 = 1/5 = 0.2

XN2 = 4/5 = 0.8

PO2 = 0.2 * 500 = 100 torr
PN2 = 0.8 * 500 = 400 torr

58

A study of the effects of certain gases on plant growth 
requires a synthetic atmosphere composed of 1.5 mol 
percent CO2, 18.0 mol percent O2, and 80.5 mol 
percent Ar. (a) Calculate the partial pressure of O2 in 
the mixture if the total pressure of the atmosphere is 
to be 745 torr. (b) If this atmosphere is to be held in a 
121-L space at 295 K, how many moles of O2 are 
needed?

XO2 = 18.0/(1.5+18.0+80.5) = 0.18
PO2 = XO2 * Pt = 0.18*745 = 134 torr
PO2 = 134/760 = 0.176 atm
nO2 = PV/RT = 0.176*121/(0.082*295) = 0.879 mol

59

The pressure in a container is 1220 torr. The gases 
in the container consists of 82 mol percent N2, 
12 mol percent Ar, and 6.0 mol percent CH4. 
Calculate the partial pressure of each gas.

XN2 = 82/(82+12+6) = 0.82
PN2 = 0.82*1220 = 1000 torr
XAr = 0.12
PAr = 0.12*1220 = 146 torr
XCH4 = 0.06
PCH4 = 0.06*1220 = 73 torr
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Collecting Gases over Water

An experiment often run in general chemistry 
laboratories involves determining the number of 
moles of gas generated in a reaction. Sometimes the 
gas is collected over water. For example, solid 
potassium chlorate, KClO3, can be decomposed by 
heating it in the arrangement shown below. The 
balanced equation for the reaction is

2 KClO3(s)g2 KCl(s) + 3 O2(g)

The oxygen gas is collected in a bottle that is initially 
filled with water and inverted in a water pan.

6162

63

Once the reaction is complete, the volume of gas 
collected is measured by raising or lowering the 
bottle as necessary until the water levels inside and 
outside the bottle are the same.

On doing so, one should remember that water has a 
vapor pressure. The total pressure of the gas collected 
over water is the sum of the partial pressure of the 
gas plus the vapor pressure of water.

Patm = Pgas + Pwater

When the levels of water inside and outside the 
inverted container are the same, the pressure (PT) 
inside the container equals the atmospheric pressure.
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When a sample of KClO3 is partially decomposed as in previous figure 
, the volume of gas collected is 0.250 L at 26 °C and 765 torr total 
pressure. (a) How many moles of O2 are collected? (b) How many 
grams of KClO3 were decomposed? (Pwater at 26 oC = 24.8 torr)

2 KClO3(s)g2 KCl(s) + 3 O2(g)
Patm = Pgas + Pwater

Pgas = Patm - Pwater

PO2 = 765 – 24.8 = 740.2 torr = 0.974 atm
PV = nRT
0.974*0.25 = n*0.082*299 
n = 9.9*10-3 mol 
2 KClO3(s)g2 KCl(s) + 3 O2(g)
mol KClO3(s) = (2/3) mol O2 = (2/3)* 9.9*10-3 mol  = 0.0662 mol
Grams  KClO3(s) = 0.0662*122.6 = 0.812 g
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In an experiment conducted at 25 oC, generated oxygen was collected
over water until the levels inside and outside the container were
equal. If the volume of the gas was 245 mL and the atmospheric
pressure was 758 torr, find the pressure of oxygen at 25 oC and the
volume of dry oxygen at STP. The vapor pressure of water at
25 oC is 23.8 torr.

Patm = Pgas + Pwater
758 torr = Pgas + 23.8 torr
PO2 = 758 – 23.8 = 734 torr

At STP, T = 273 K and P = 760 torr
PiVi/Ti = PiVf/Tf

734 torr * 245 mL/298 K = 760 torr * VO2/273
VO2 = 217 mL
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Ammonium nitrite, NH4NO2, decomposes on heating to form N2 gas:
NH4NO2(s)gN2(g) + 2 H2O(l)

When a sample of NH4NO2 is decomposed, 511 mL of N2 gas is 
collected over water at 27 oC and 745 torr total pressure. How 
many grams of NH4NO2 were decomposed? (Pwater at 27 oC = 25 
torr)

Patm = Pgas + Pwater

Pgas = Patm - Pwater

PN2 = 745 – 25 = 740 torr = 0.974 atm
PV = nRT
0.974*0.511 = n*0.082*300
n = 0.02
mol NH4NO2(s) = mol N2 = 0.02 mol
g NH4NO2(s) = 0.02*64 = 1.29 g
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THE KINETIC-MOLECULAR 
THEORY OF GASES

The ideal-gas equation describes how gases behave but not 
why they behave as they do. Why does a gas expand 
when heated at constant pressure? Or why does its 
pressure increase when the gas is compressed at constant 
temperature? 

To understand the physical properties of gases, we need a 
model that helps us picture what happens to gas particles 
when conditions such as pressure or temperature change. 
Such a model, known as the kinetic-molecular theory of 
gases, was developed over a period of about 100 years, 
culminating in 1857 when Rudolf Clausius (1822–1888) 
published a complete and satisfactory form of the theory.
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The kinetic-molecular theory (the theory of moving molecules) is 
summarized by the following statements:

1. Gases consist of large numbers of molecules that are in 
continuous, random motion. (The word molecule is used here to 
designate the smallest particle of any gas even though some 
gases, such as the noble gases, consist of individual atoms.

2. The combined volume of all the molecules of the gas is negligible 
relative to the total volume in which the gas is contained.

3.  Attractive and repulsive forces between gas molecules are 
negligible.

4.  Energy can be transferred between molecules during collisions 
but, as long as temperature remains constant, the  average kinetic 
energy of the molecules does not change with time.

5. The average kinetic energy of the molecules is proportional to the 
absolute temperature. At any given temperature the molecules of 
all gases have the same average kinetic energy.
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The kinetic-molecular theory explains both pressure and 
temperature at the molecular level. The pressure of a 
gas is caused by collisions of the molecules with the 
walls of the container. The magnitude of the pressure 
is determined by how often and how forcefully the 
molecules strike the walls.

The absolute temperature of a gas is a measure of the 
average kinetic energy of its molecules. If two gases 
are at the same temperature, their molecules have 
the same average kinetic energy (statement 5 of the 
kinetic-molecular theory). If the absolute 
temperature of a gas is doubled, the average kinetic 
energy of its molecules doubles.

Thus, molecular motion increases with increasing 
temperature.

71

Distributions of Molecular Speed

Although collectively the molecules in a sample of gas have 
an average kinetic energy and hence an average speed, 
the individual molecules are moving at different speeds. 
Each molecule collides frequently with other molecules. 
Momentum is conserved in each collision, but one of the 
colliding molecules might be deflected off at high speed 
while the other is nearly stopped. The result is that, at any 
instant, the molecules in the sample have a wide range of 
speeds.

The distribution of molecular speeds for nitrogen gas at 0 °C 
and 100 ̊ C, shows a larger fraction of the 100 °C molecules 
moving at higher speeds. This means that the 100 °C 
sample has the higher average kinetic energy
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In any graph of the distribution of molecular speeds in a gas 
sample, the peak of the curve represents the most 
probable speed, ump, which is the speed of the largest 
number of molecules. The most probable speeds in the 
previous figure, for instance, are 4*102 m/s for the 0 °C 
sample and 5*102 m/s for the 100 °C sample.

The previous figure also shows the root-mean-square (rms) 
speed, urms, of the molecules. This is the speed of a 
molecule possessing a kinetic energy identical to the 
average kinetic energy of the sample. The rms speed is not 
quite the same as the average (mean) speed, uav. The 
difference between the two is small, however. In the 
previous figure, for example, the root-mean-square speed 
is almost 5*102 m/s and the average speed is about 
4.5*102 m/s. 
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Molecular speed
– Root mean square (rms) speed (urms)

• For two gases (1 and 2)

Where M is the molar mass
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A sample of O2 gas initially at STP is compressed to a smaller volume 
at constant temperature. What effect does this change have on (a) 
the average kinetic energy of the molecules, (b) their average 
speed, (c) the number of collisions they make with the container 
walls per unit time.

(a) Because the average kinetic energy of the O2 molecules is 
determined only by temperature, this energy is unchanged by 
the compression. 

(b) Because the average kinetic energy of the molecules does not 
change, their average speed remains constant. 

(c) The number of collisions with the walls per unit time increases 
because the molecules are moving in a smaller volume but with 
the same average speed as before. Under these conditions they 
must encounter a wall more frequently. 
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What is the rms speed of an atom in a sample of He gas at 25 °C?
Urms = {3*8.314*298/4*10-3)1/2 = 1.36*103 m/s

Units!!, Units!!, Units!!, Units!!
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Diffusion and Effusion

The dependence of molecular speed on mass 
has two interesting consequences.

1. The first is effusion, which is the escape of 
gas molecules through a tiny hole.

2. The second is diffusion, which is the spread 
of one substance throughout a space or 
throughout a second substance. For 
example, the molecules of a perfume diffuse 
throughout a room.
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Graham’s Law of Effusion

In 1846 Thomas Graham (1805–1869) discovered that 
the effusion rate ofa gas is inversely proportional to 
the square root of its molar mass. Assume we have 
two gases at the same temperature and pressure in 
two containers with identical pinholes. If the rates of 
effusion of the two gases are and and their molar 
masses are M1 and M2,

Graham’s law states that:

a relationship that indicates that the lighter gas has the 
higher effusion rate.
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An unknown gas composed of homonuclear
diatomic molecules effuses at a rate that is 
0.355 times the rate at which O2 gas effuses 
at the same temperature. Calculate the molar 
mass of the unknown.
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Which will effuse faster NH3 (FW = 17 g/mol) or CO2 (FW = 44 g/mol).
What are their relative rates of effusion?

Ammonia will effuse faster as it has a smaller molecular mass.

Rate of effusion of gas A/Rate of effusion of gas B = {MB/MA}1/2

Rate of effusion of NH3/Rate of effusion of CO2 = {44/17}1/2 = 1.6
Therefore, ammonia will effuse 1.6 times faster than carbon dioxide.

Calculate the ratio of the effusion rates of N2 gas and O2 gas.
rN2/rO2 = 1.07

N2 will effuse faster than O2
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An unknown gas diffuses 4.0 times faster than 
O2.  Find its molar mass.
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Real Gases

Ideal gases are characterized by the following:

1. Molecules of an ideal gas have no volume
2. Molecules of an ideal gas have no attractive or repulsive

forces. Ideal gases will not condense into liquids even at
absolute zero

However, an ideal gas is definitely not existent except at very 
high temperatures and very low pressures. Real gases can 
be liquefied by cooling under pressure and will even 
freeze into a solid at lower temperatures. Definitely 
molecules of real gases do have finite volume. 
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In addition, when a compressed gas is allowed to 
expand into a vacuum, the gas will cool which is a 
manifestation of attractive forces. This is because the 
potential energy of molecules will increase when they 
get apart from each other. This results in a lowering in 
their kinetic energy since the sum will always be the 
same (law of conservation of energy). Therefore, one 
can simply write:

Vmeasured = Videal + nb

Videal = Vmeasured - nb

Where n is the number of moles and b is a correction 
factor for a specific gas.
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In addition, molecules of real gases do not travel in
straight lines to hit the walls and cause the
pressure. They can change their path due to
attraction forces as well as collisions; which
means that real gas molecules will travel longer
distances to reach the walls. Therefore, the
pressure of an ideal gas will be larger than that
of a real gas and one can write:

Pideal = Pmeasured + n2a/V2

Where (a) is a measure of the attractive forces.
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Van der Waals Equation of State

This equation takes the attraction forces
between molecules of gases as well as their
volume into account. The ideal gas equation
can thus be modified to give the equation of
state for real gases as below:

(Pmeasured + n2a/V2)(Vmeasured – nb) = nRT
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