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Gases

Chapter Objectives:
* Learn how to measure gas pressure.

+ Learn how to use the gas laws to relate pressure,
volume, temperature, and amount of gases, (Section
7.2-7.4) and use amounts of gases in stoichiometric
calculations (Section 9.6).

+ Understand how the kinetic-molecular theory models
the behavior of gases.
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Angelo State University 1
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The Physical States of Matter
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— they are rigid and incompressible.
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— have a fixed volume that conforms
to the container shape (i.e., they form surfaces)

— they are fluid and incompressible.
» Gases

— have no fixed shape or volume; they conform to
the container shape, but fill the entire volume
(i.e., they do not form surfaces)

— they are fluid and compressible.

Gas Pressure

Gases

» Many substances at the pressures and temperatures
available on Earth are gases, such as O,, N,, H,, Ar,
Ne, CO,, etc.

» Gases have many different chemical properties, but
their physical behaviors are remarkably similar.

— O, gas is a powerful oxidizing agent which
supports combustion, H, is extremely flammable,
F, is highly reactive, Ar is inert.

— The gas laws in this chapter can be used to
describe the physical properties of all of these
chemically different gases.

+ Itis easy (?) to interrelate pressure, volume,
temperature, and amount of gases using the gas
laws. There are no comparable solid or liquid laws.

Some Important Properties of Gases

« Unlike liquids, any gas always mixes thoroughly
with any other gas in any proportion (i.e., they are
miscible, and form homogeneous solutions).

+ Gases are compressible: when pressure is applied,
the volume of the gas decreases. Liquids and solids
are relatively incompressible.

+ The volume of a gas expands on heating and
contracts on cooling. This effect is much greater for
gases than for liquids or solids.

+ Gases have relatively low viscosity; i.e., they flow
much more freely than liquids or solids.

Most gases have relatively low densities under
normal conditions. (Oxygen is 1.3 g/L, NaCl is 2.2
g/mL)

Gas Pressure

« A gas consists of particles moving at random in a
volume that is primarily empty space. Pressure is
force exerted per unit of area by gas molecules as
they strike the surfaces around them.

« Each individual collision doesn’t exert much force,
but the total force exerted by the large number of
particles in the gas adds up to a large force.

Gas molecules

Lowerpresure Higher presure
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Gas Pressure

+ Pressure (P) is defined as a force (F = ma) exerted
per unit area (A):

Pressure(P) = F_ma
A A

» What are the units of pressure?
Force = kg ms2 = N (Newton)
Pressure = kg m s2/ m?2
= kg mts?
= N/m? = Pa (Pascal) [SI unit]

Gas Pressure and its Measurement

(Evangelista + Gas pressure is measured with a
TR ™ barometer, which consists of a
|~ Vacuum long tube which is sealed at one

end and filled with mercury, and
| Glasstube  Inverted into a dish of Hg. Some
l‘ Hg runs out of the tube until the
Atmospheric downward pressure of the Hg in
pressure  the column is balanced by the
atmospheric pressure on the Hg
in the dish.

— At sea level and 0°C, a
column of Hg is 760 mm tall.

— At the top of Mt. Everest
(29,028 ft), a column of Hg is
270 mm tall.

760 mm
(29.92in)

\ 3

Figure 7.2 Mercury

Units of Pressure

« A more commonly used unit is the standard
atmosphere (atm), the average atmospheric
pressure at sea level and 0°C

1 atm = 101,325 Pa = 101.325 kPa

« Others units are millimeters of mercury (mmHg)
or torr, inches of mercury (inHg) pounds per
square inch (psi), and the bar:

1 mmHg = 1 torr (exact)
1 atm = 760 mmHg (exact) = 760 torr (exact)
1 atm =29.92 inHg
1atm =14.7 Ib in-2 (psi)
1 bar = 100 kPa = 100,000 Pa

= Area

1.00 m?

Answer: 8.98 atm, 6820 torr, 6820 mmHg

Atmospheric Pressure
» The mass of the gases in the

atmosphere pressing on the
surface of the Earth surface
exerts a pressure called
atmospheric pressure.

A 1.00 m? column of air
extending from the Earth’s
surface through the upper
atmosphere has a mass of
about 10,300 kg, producing a
pressure of 101,000 Pa (101
kPa) at the surface.

_m-a_10,300kg-9.81ms”
A 1.00m?
=101,000Pa=101kPa

P

Gas Pressure and its Measurement

* A manometer is another device used for measuring
pressure.

Atmospheric

pres:

Examples: Pressure Conversions

1. A high-performance bicycle tire is inflated to a total
pressure of 132 psi. What is this pressure in mmHg,
torr, and atm?

12
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The Gas Laws

Boyle’s Law: Pressure and Volume

» In 1662, Robert Boyle found that the volume of a
gas is inversely proportional to its pressure (if the
temperature and amount are held constant).

V o« % (T and n constant)

PV =C

PV, = PV, Boyle’s Law

Boyle’s Law: Pressure and Volume

« As the volume of the gas decreases, the gas particles
have less room to move around in, and they collide
more often with the walls of the container, thus
increasing the pressure.

The Gas Laws
« The physical properties of any gas can be described
completely (more or less) by four variables:
— pressure (P)
— volume (V)
— temperature (T)
—amount (n, number of moles).

The specific relationships among these four )
variables are the gas laws, and a gas whose behavior
follows these laws exactly is called an ideal gas.

There are four key gas law equations that have been
empirically determined, which are combined into the
combined gas law and the ideal gas law.

Boyle’s Law: Pressure and Volume

100

P (in Hg)

rs(, slope = k
P

%
5

0 20 40 60 0

v 0 0.01 0.02 0.03
e ———— 1/P (in Hg)
2v
N i3 16
(a) Figure 7.5  V(in') (b)

Charles’ Law: Temperature and Volume

 Inaround 1787, Jacques Alexandre César Charles
found that the volume of a gas is directly
proportional to its temperature (if the pressure and
amount are held constant).

V o« T (Pand nconstant)

! = C'

T

A ,

T1 T, Charles’s Law

In this equation, temperature must be measured in the
absolute (Kelvin) temperature scale!!! .
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Charles’ Law: Temperature and Volume

A
TU 173 273 373 473 573
-273°C T(°C) 0 T(K)

Figure 7.8

Charles’ Law: The Kelvin Temperature Scale

» In 1848, William Thomson, Lord Kelvin extrapolated
this relationship to devise the absolute temperature
scale, or Kelvin scale, which has its zero point at
absolute zero (-273.15°C), the temperature at which
all molecular and atomic motion would cease (the
sample would have zero energy).

°C = K - 273.15
K =°C + 273.15

— An ideal gas would have zero volume at this
temperature.

— Real gases, of course, condense into liquids at
some temperature higher than 0 K. Real gases
cannot actually have zero volume.

21

Avogadro’s Law: Volume and Amount

In 1811, Amedeo Avogadro found that the volume of
a gas is directly proportional to the amount of the
gas measured in moles (n) (if the pressure and
temperature are held constant).

V o« n (Tand P constant)

\Y

Ay

n

ViV,

— - Avogadro’s Law
n n,

+ This can be further generalized to state that equal
volumes of different gases at the same temperature

. and pressure contain the same molar amounts.
23

Charles’ Law: Temperature and Volume

« As the balloon warms up, the gas particles start to
move faster, and hit the walls of the balloon harder
and more frequently. For the pressure to remain
constant, the balloon must expand, so the collisions
occur over a larger area.

High kinetic energy

Low kinetic energy

20

Gay-Lussac’s Law: Pressure and Temperature

» In 1802, Joseph Louis Gay-Lussac (repeating the
earlier work of Guillaume Amonton) found that the
pressure of a gas is directly proportional to its
temperature (if the volume and amount are held
constant).

Po T (Vand nconstant)

P
P
T
PPT:
lfnoging h_P Gay-Lussac’s or
ke T T, Amonton’s Law

In this equation, temperature must be measured in the

absolute (Kelvin) temperature scale!!! 0

Avogadro’s Law: Volume and Amount

Avogadro’s Law
As amount of gas increases, volume increases,

Volume (L)

0 T T T 1 T T T
0 02 04 06 08 10 12 14

Number of moles (n) 2


PPT Tanker.ppt
SCD Combining Gas Volumes.MOV

Chapter 7 Gases

The Combined Gas Law

* Boyle’s Law, Charles’s Law, and Gay-Lussac’s
Law, and Avogadro’s Law can all be combined into
a single relationship, the Combined Gas Law:

PV = constant (R)
nT

PV, The Combined
nT, n,T, Gas Law

In this equation, temperature must be measured in the
absolute (Kelvin) temperature scale!!! Any units may be
used for P and V, as long as they are the same on both
sides. 25

Solving Gas Law Problems

» When the problem involves changing conditions, the
combined gas law or one of the individual gas laws
can be used to determine the new quantity.

« If the problem involves static conditions — i.e.,
none of the variables change — usually the ideal gas
law can be used to determine the missing quantity.

« Pay attention to units:
— The temperature must be in Kelvins.

— In the individual or combined gas laws, the units
for pressure and volume don’t matter, as long as
they are the same on both sides.

— In the ideal gas law, the units must match the
units of the ideal gas constant.

27

Examples: Gas L.aw Problems

2. A sample of gas has a volume of 155 mL at 0°C.
What will be the volume of the gas if it warmed up
to a temperature of 85°C?

Answer: 203 mL 20

The Ideal Gas Law

« All of these gas laws can be combined into a single
statement called the ideal gas law:

PV = nRT |[The Ideal Gas Law

where R is a proportionality constant called the ideal
gas constant, which has the same value for all
gases:

R =0.08206 L atm K- mol
R =8.3145 J K1 mol*

R =8.3145 m3 Pa K1 mol!

R =62.36 L torr Kt mol!

R =1.9872 cal K1 mol

26

Examples: Gas L.aw Problems

1. A gas at a pressure of 760. torr and having a volume
of 1024 mL is changed to a pressure of 115 torr;
what is the new volume if the temperature stays
constant?

Answer: 6770 mL 2

Examples: Gas L.aw Problems

3. A sample of oxygen at 24.0°C and 745 torr was
found to have a volume of 455 mL. How many
grams of O, were in the sample?

Answer: 0.586 g O, 30
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Examples: Gas L.aw Problems Examples: Gas Law Problems

4. A sample of argon is trapped in a gas bulb at a 5. Calculate the pressure exerted by 0.845 moles of
pressure of 760. torr when the volume is 100. mL nitrogen gas occupying a volume of 895 mL at a
and the temperature is 35.0°C. What must its temperature of 42.0°C.

temperature be if its pressure becomes 720. torr and
its volume 200. mL?

Answer: 584 K=311 C 2 Answer: 24.4 atm 32
Standard Temperature and Pressure (STP) The Ideal Gas Law and Real Gases
» The conditions of 1 atm and 273.15K (0°C) are » Real gases deviate slightly from the behavior

defined as being standard temperature and predicted by the ideal gas law, but under most

pressure (STP). These conditions are generally conditions, these deviations are slight.

used when reporting measurements on gases. « The actual molar volumes of real gases are not

— Keep in mind that the standard temperature for exactly 22.4 L, but they are fairly close (more later).
gases (0°C) is different from the standard value
for thermodynamic measurements (25°C).

« At 1.0000 atm pressure and 0 C, one mole of any 22411 206l 2231L 22401 2240L 22411 22421
ideal gas occupies a volume of 22.414 L (the
standard molar volume):

_ nRT _ (1.00 mol)(0.082 06 L atm K™ mol *)(273.15K)

30

20

V = z 10
P 1.00 atm
=224L
The Density and Molar Mass of a Gas The Density and Molar Mass of a Gas
« Since one mole of any gas occupies nearly the same « Similarly, we can relate the ideal gas law to the
volume at a given temperature and pressure, molar mass of the gas:
differences in gas density depend on differences in RT dRT
molar mass. MM =M or MM =
« Since n=m/MM (m = mass, MM = molar mass), N PV P
we can rearrange the ideal gas law to incorporate * Gas densities are exploited in some common
density: applications.
m m MMxP — CO, fire extinguishers partially rely on the fact
PV = —RT d = - VxE thatZCO2 is denser than air, and settles onto a fire,
MM \Y RT helping to smother it.

The density of a gas is directly proportional to its
molar mass and inversely proportional to its

- 2|and He (or hot air) can be used to raise
ba
temperature.

loons and blimps into the air (depending on
how much risk of incineration you wish to run).

— Air masses of different densities give rise to much
of our weather.
35 36
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Examples: Gas Density and Molar Mass

6. Calculate the density (in g/L) of carbon dioxide and
the number of molecules per liter at STP.

Answer: 1.96 g/L; 2.68x10% molecules CO,/ L

37

Examples: Gas Density and Molar Mass

8. A student collected a sample of a gas ina 0.220 L
gas bulb until its pressure reached 0.757 atm at a
temperature of 25.0°C. The sample weighed 0.299
g. What is the molar mass of the gas? Which of the
following gases would the unknown gas be: Ar,
CO,, CO, or Cl,?

Answer: 43.9 g/mol

39

Examples: Stoichiometry and Gas Laws

9. Air bags are deployed by the high-temperature
decomposition of sodium azide, NaN;. How many
liters of N, at 1.15 atm and 30 C are produced by
the decomposition of 145 g of NaN;?

2NaN;(s) — 2Na(s) + 3Ny,(g) [movie]

Answer: 724 L

41

Examples: Gas Density and Molar Mass

7. At 22.0°C and a pressure of 755 torr, a gas was
found to have a density of 1.13 g/L. Calculate its
molecular mass.

Answer: 27.6 g/mol

38

Stoichiometric Relationships with Gases

* We can now combine gas law problems with
stoichiometry problems.

« For instance, if we know the temperature, volume,
and pressure of a gas reactant or product, we can
calculate the amount (mol) from the ideal gas law,
and use the coefficients of the balanced equation to
convert that into moles of another reactant or
product.

BV, TofgasA ~ amount A (in moles) ~ amount B (in moles) ~ BV, TofgasB /‘

40

Examples: Stoichiometry and Gas Laws

10. A student has prepared some CO, by heating
CaCO4(s) to high temperatures:

CaCO4(s) — CO,(g) + Cao(s)

If a volume of 566 mL of CO, was produced at a
pressure of 740. torr and a final temperature of
25.0°C, how many grams of CaCO; were used?

Answer: 2.25 g CaCO,

42


MOV Airbags movie.mov

Chapter 7 Gases

Examples: Stoichiometry and Gas Laws

11. In the synthesis of water, how many liters of
oxygen at STP are needed to combine exactly with
1.50 L of hydrogen at STP? How many liters of
water will be produced? (sim. to Ex. 51.3)

2H,(9) + O,(9) — 2H,0(9)

Answer: 0.750 L O,, 1.50 L H,0O

43

Partial Pressures and Dalton’s Law

« Since gases mix homogeneously, the total pressure
exerted by a mixture of gases is the sum of the
partial pressure exerted by each individual gas in
the mixture (John Dalton, 1801):

Dalton’s Law of
Partial Pressures

RT RT RT
a7 Rl menl)

RT
Ptotal = ‘]1 + N, +n; + jEVj

P

total — Pl+ I:’2 + P3+"'

45

Collecting Gases Over Water

 Gas products are frequently collected by the
displacement of water. Some water vapor will be
present in the gas; the partial pressure of the water in
the mixture (its vapor pressure) is dependent only
on the temperature of the water.

2KCIlO4(s) — 2KCI(s) + 30,(9)

Figure 9.7 a7

Partial Pressures and Dalton’s Law

» We frequently deal with mixtures of gases instead of
pure gases — for instance, in the atmosphere. The
gas laws apply just as well to mixtures of gases as
they do to pure gases.

TABLE 5.3 Composition of Dry Air

Percent by
Gas Volume (%)
Nitrogen (N,) 78
Oxygen (0,) 21 '\l
Argon (Ar) 0.9
Carbon dioxide (CO,) 0.04
N, mo,

Ar mCO, 44

Copyrge © 2608 Parson Pre b .

Mole Fractions

+ The concentration of each component in a mixture
can be expressed as a mole fraction (X), which is
defined as the number of moles of the component
divided by the total number of moles in the mixture:

nA r-]B

Xy=—#2  X,y=— 8
N,y + Ng + N N, + Ng + N

« In a mixture of gases, the mole fraction of each gas
is the same as the ratio of the partial pressure of the
gas to the total pressure:

P
Xa = —A- = Py = Xa Pou

total

46

Collecting Gases Over Water
« By knowing the vapor pressure of the water, we can
calculate the volume of dry gas from Dalton’s Law:
P = Pow = Pao

dry gas total

Vapor Pressure of Water vs. Temperature

Temperature Pressure Temperature Pressure

(°C) (torr) (°C) (torr)
0 458 55 1182
5 6.54 60 149.6
10 9.21 65 1875
15 12.79 70 2337
20 17.55 75 289.1
25 23.78 80 355.1
30 31.86 85 4336
35 4223 90 525.8
40 55.40 95 633.9
45 7197 100 760.0
50 926 48
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Exampl es: Dal t ¢ Exampl es: Dal t ¢

12. Suppose you want to fill a pressurized tank with a 13. At an underwater depth of 250 ft, the pressure is
volume of 4.00 L with oxygen-enriched air for use 8.38 atm. What should the mole percent of oxygen
in diving, and you want the tank to contain 50.0 g in the diving gas be for the partial ﬁressure of
of O, and 150. g of N,. What is the total gas oxygen in the gas to be 0.21 atm, the same as it is
pressure in the tank at 25°C? (sim. to Ex. 5.9) in air at 1.0 atm?

Answer: 42.3 atm 1 Answer: 2.5% O, 50

Ex amp lies: Dal t d Examples: B adlldctimqiGasss

14. What are the mole fractions and mole percents of 15. Acetylene (C,H,), an important fuel in welding, is
nitrogen and oxygen in air when their partial produced in t eiaboratory when calcium carbide
pressures are 160 torr for oxygen and 600 torr for reacts with water:
nitrogen? What is the pressure of oxygen at the CaCy(s) + 2H,0(l) —> C,H,(g) + Ca(OH),(aq)

top of Mt. Everest (elevation, 29,000 ft), where the

total pressure is 260 torr? Assume no other gases For a sample of C,H, collected over water, the

are present. total gas pressure Is 738 torr, and the volume is
523 mL. At the gas temperature (23°C), the vapor
pressure of water is 21 torr. How many grams of
acetylene were collected? (sim. to Ex. 5.11)

Answer: 0.789 N,, 0.211 O,; 57.0 torr 51 Answer: 0.529 g C,H, 52
The Gas Laws and Diving The Gas Laws and Diving
« For every 10 m of depth, a diver experiences about « Low oxygen pressure (such as at high elevation) can
another 1 atm of pressure because of the pressure cause hypoxia, or oxygen starvation, resulting in
exerted by the water. dizziness, headaches, shortness of breath,

« Ascending quickly would cause the air in the lungs unconsciousness, or death.
to expand quickly, which can damage lungs. « AtaPg, above 1.4 atm, the increased concentration
of oxygen in the blood causes oxygen toxicity,
which can result in muscle twitching, tunnel vision,
or convulsions.

€
I

T

00 05

Hypoxia  [———— Safe ————
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The Gas Laws and Diving

+ Ata Py, above 4 atm, the increased concentration of
nitrogen in the blood causes nitrogen narcosis,
which results in a feeling of inebriation.

+ If a deep sea diver comes up to the surface too
quickly, N, which has dissolved in his bloodstream
at higher pressures comes back out of solution,
forming bubbles which block capillaries and inhibit
blood flow, resulting in a painful, and potentially
lethal, condition known as the “bends.”

» Deep sea divers often breathe other gas mixtures to
avoid these problems, such as heliox, a mixture of
oxygen and helium.

55

The Kinetic-Molecular
Theory of Gases

57

Postulates of the Kinetic-Molecular Theory

The kinetic-molecular theory is based on the following
assumptions:

1. The size of the gas particles is negligibly small
compared to the total volume of the gas. Most of
the volume of a gas is empty space.

2. The particles of a gas are in constant motion in
straight lines until they collide with another particle
or the walls of the container. The collisions of the
particles with the walls of the container are the cause
of the pressure exerted by the gas.

59

Figure 7.12 0

56

The Kinetic-Molecular Theory of Gases

+ The gas laws that we have looked at are empirically-
derived, mathematical laws that describe the
behavior of gases under various conditions.

» To explain why gases follow these laws, we use a
theory called the kinetic-molecular theory, which
connects the macroscopic behavior of gases to their
atomic/molecular properties (Ludwig Boltzmann
and James Clerk Maxwell, 1860s).

» The postulates of kinetic theory are approximations,
but they work under “normal” conditions. Under
extreme conditions — very high pressures, very low
temperatures, etc. — the behavior of the gases can
no longer be modeled very well by kinetic theory,
and we have to use more complicated, statistics-
based models.

58

Postulates of the Kinetic-Molecular Theory

3. The collisions of particles with each other or with
the walls of the container are completely elastic.
When the particles collide, they may exchange
energy, but there is no overall loss of energy: the
total kinetic energy of the gas particles is constant at
constant T. The gas particles do not attract each
other, so there is no “stickiness” to the particles.

Elastic collision Inelastic collision

O billiard balls o lumps of clay

60
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Postulates of the Kinetic-Molecular Theory

4. The average kinetic energy of the gas particles is
directly proportional to the temperature of the
gas in Kelvins.

— There is a distribution of velocities in a sample of
gas — some particles are moving faster and some
are moving slower — but the higher the
temperature, the greater the average Kinetic
energy is. (Ex =¥2mv?)

— For a sample of helium and a sample of argon at
the same temperature, the average kinetic energy
of the particles of both gases are the same, but the
particle of helium must move faster, because they
are lighter, to have the same kinetic energy as the
particles of argon.

61

The Kinetic Theory and the Gas Laws

+ Using the assumptions of kinetic-molecular theory,
it is possible to understand why each of the gas laws
behaves the way it does.
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The Kinetic Theory and Gay-Lussac’s Law

» Gay-Lussac’s Law (P o T): If temperature
increases at constant volume, the average kinetic
energy of the gas particles increases, causing them to
collide harder with the walls of the container. Thus,
pressure increases as temperature increases.

Temperature
is increased

65

Figure 7.14

A Quick Analogy — Gas Particles and Flies

From Brian L. Silver, The Ascent of Science (1998):
In general, chemical experience suggests that each gas is unique, which is
true, and has very little, if anything, in common with most other gases,
which is not true. That which is common to all gases is the way in which
their molecules move. ... Professors have a weakness for analogies. So
here’s one: A gas, any gas, is similar to a crowd of flies. The analogy is
dangerous, but we can learn from the dangers. First of all, flies can see;
they don’t normally bump into each other. Molecules are “blind”; in a
gas they are continually blundering into each other. Every collision
changes the speed and direction of both molecules involved, so that a
molecule in a gas resembles a flying dodgem car, continually getting
jolted. Another difference between flies and molecules is that the
molecules in our box are presumed to fly in straight lines unless they hit
something. Flies practice their aeronautical skills. An improved fly
analogy is a crowd of straight-flying, blind, deaf flies, but this is still
misleading. Flies get tired. They often relax, and in the end they die and
lie on the floor with their legs up. Molecules don’t do this; the molecules
in an oxygen cylinder never stop moving — until the end of time, as they
say at MGM. Again improvin? our analogy, we liken the molecules in a
gas to a collection of straight-flying, blind, deaf, radarless, tireless,
immortal flies. We're getting there, but the problem, as we will soon see,
is that flies have a sense of smell and molecules don't. ...

62

The Kinetic Theory and Boyle’s Law

* Boyle’s Law (P o« 1/V): Pressure is a measure of
the number and forcefulness of collisions between
gas particles and the walls of their container. If the
gas particles are crowded into a smaller space, and
the temperature does not change, they move around
at the same speed, but hit the walls of the container
more often, raising the overall pressure. Thus,

pressure increases as volume decreases.

<« = -« >

Volume is
decreased

Figure 7.13

The Kinetic Theory and Charles’ Law

¢ Charles’ Law (V «c T): If temperature increases at
constant volume, the average kinetic energy of the
gas particles increases. For the pressure to remain
constant, the volume must increase to spread the
collisions out over a greater area. Thus, volume
increases as temperature increases.

Temperature
is increased

66

Figure 7.15
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The Kinetic Theory and Avogadro’s Law

* Avogadro’s Law (V «c n): The more gas particles
there are, the more volume the particles need at
constant P and T to avoid increasing the number of
collisions with the walls of the container. Thus,
volume increases as the moles of gas increase.

% ncrease volume  JGRF ¢

10 return to
original pres:

Gas cylinder—§

. Figure 7.16 o7

Kinetic Energy and Speed of Gas Particles

» The total kinetic energy of a mole of gas particles
equals 3RT/2, and the average kinetic energy per
particle is 3RT/2NA (NA = Avogadro’s number, R is
the gas constant in thermodynamlc units, 8. 314 J K1
mol-). This makes it possible to calculate the root
mean square velocity, u,,,, of a gas particle:

Eo =R _smy?
2N,

e 3RT
mN,

umszx/u:2 SRT _ %whereMMisthemolar mass

Distribution of Molecular Speeds

+ Not all of the particles of a gas in a sample are
moving at the same speed; but there is an average
(most probable) speed, with some of the particles
moving faster and some moving slower.

+ Anplot of the relative number of gas particles with a
certain speed results in a skewed bell-shaped curve
called a Boltzmann distribution.

= T T — 1
0 300 1000 1500 2000 2500 3000 3500
Molecular velocity (n/s) 71

The Kinetic Theory and Dalton’s Law

* Dalton’s Law (P, =P, + P, + P3+..): The
identity of the gas partlcles is |rrelevant The total
pressure of a fixed volume of gas depends only on
the temperature T and the total number of moles of
gas n. Adding more gas particles, even if they’re
different gases, has the same effect as adding more
particles of the first gas. Thus, the overall pressure
is the sum of the partial pressures of each gas.

Moles of gas
increases

—_—

Gas cylinder—&

Figure 7.16, modified

Kinetic Energy and Speed of Gas Particles
» For helium (MM = 4.00 g/mol) at 25 C,

1 -1
m:\/3(8.314JK _gnol )(2_?8K) 136210 s
(4.00x10" kg mol ) = 3040 mi/hr!

» Nitrogen molecules (MM 28.01 g/mol) move at
515 m/s (1150 mi/hr) and hydrogen molecules (MM
2.02 g/mol) move at 1920 m/s (4300 mi/hr).

+ The average speed of the gas particles is directly
proportional to the absolute (Kelvin) temperature.

+ Ata given temperature, all gases have the same
average kinetic energy. Lighter gases move faster
and collide more often than heavier molecules, but
with less force, so their average kinetic energy is the
same as for the heavier molecules.

Distribution of Molecular Speeds

 As the temperature of the
gas increases, the average
velocity of the gas

% particles increases and the
< distribution of velocities
H broadens.
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Figure 7.19
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Figure 7.20
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Diffusion of Gases

« Diffusion is the process by which gas particles
spread out in response to a concentration gradient.

 Although gas particles
move at hundreds of meters
per second, it takes a long
time for mixing of gases to
occur by diffusion alone.

* Anindividual gas particle
travels a very short distance
before colliding with
another particle, and
bouncing off in a different
direction. The actual path
followed by a gas particle
is a random zigzag pattern.
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Effusion of Gases

« Effusion is the process by which a gas escapes from
a container through a hole into an area of lower
pressure; e.g., a leak in a tire.

+ The rate of effusion (or diffusion) of a gas is
inversely proportional to the square root of its molar
mass :

Rate of effusion oc

1
VMM
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Graham’s Law of Effusion

« When comparing two gases, A and B, at the same
temperature and pressure, we can set this up as a
ratio of the relative rates of effusion (Thomas
Graham, 1846):

rate of effusion of gas A |[MMof gasB | Graham’s Law
rate of effusion of gas B MM of gas A of Effusion

» Mixtures of gases can be separated into their pure components by
taking advantage of their different rates of diffusion and effusion.
Fissionable U-235 (0.72% abundance) can be separated from U-
238 (99.28%) by converting elemental uranium into volatile UFg
(bp 56 C) and separating it by effusion through a permeable
membrane; 255UF is 3 amu lighter, and effuses 1.0043 times faster
than 238UF;.

77

Rates of Diffusion

« For helium at room temperature and 1 atm pressure,

the average distance a helium atom travels between
collisions (the mean free path) is about 200 nm
(helium has a diameter of 62 pm, so this is about
3200 atomic diameters) and there are approximately
100 collisions per second. For N,, the mean free
path is about 93 nm (310 times the molecular
diameter of 92 nm).

» Heavier molecules diffuse more slowly than lighter

ones.

» Gas mixing can occur much faster when there is

convection taking place.

« Diffusion in liquids and solids is even slower

because the particles are very much closer together.
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Graham’s Law: Diffusion and Effusion of Gases

Two gases mixing A gas leaking into a
by diffusion vacuum by effusion
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Examples: Gas L.aw Problems

1. Calculate the ratio of the effusion rates of helium,
He, and methane, CH,. Which should effuse faster,
and by how much?

Answer: He effuses 2.00 times faster than CH, 78
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1873):
van der Waals Constants
2
n-a ~
[P+2 j(/-nb =nRT k|l @R
V - Ne 0.211
Ar 135
van der Waals P e
equation xe 419
H, 0.244
N, 1.39
N . [o) 136
Correction for Correction for gas o )
intermolecular particle volume COZ 359
attractions cH, 225
NH, 417
H,0 5.46

Real Gases

Non-ldeal Effects at Higher Pressures
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The Ideal Gas Law Redesigned

One equation which has been developed for

describing real gas behavior more accurately is the
van der Waals equation (Johannes van der Waals,
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0.0318
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0.0427

0.0428

0.0371
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Kinetic-Molecular Assumption Not Always Valid

» The behavior of real gases is often quite a bit
different from that of ideal gases, especially at very
low temperatures or very high pressures.

« In the kinetic-molecular theory, we assume that the
volume of gas particles is negligible compared to the
total volume, but at very high pressures, the particles
are crowded much closer together, and the volume
occupied by the gas particles becomes significant.

* We also have assumed that there are no attractive
forces between the particles; at higher pressures, the
weak attractive forces become much more
important, and serve to draw the molecules together
slightly, decreasing the volume at a given pressure
(or decreasing the pressure for a given volume).

Real Gases vs. Ideal Gases

« For an ideal gas, a plot of PV/RT vs. P, = 1

— For the real gases in the graph below, at
moderately high pressures, values of PV/RT < 1,
primarily because of intermolecular attractions.

{cH, — Atvery high

N —! pressures, PV/RT >
1, primarily because
of molecular volume.

0
0 200 400 600 800 1000
P (atm)

Figure 7.23
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The Troposphere

* The troposphere is the layer nearest the Earth’s
surface. At sea level, the atmosphere is composed of
78% nitrogen, 21% oxygen, and a complex mixture
of trace gases:

Composition of Dry Air at Sea Level

Constituent % Volume % Mass
N, 78.08 75.52

0, 20.95 23.14

Ar 0.93 1.29

CO, 0.037 0.05

Ne 1.82x 1073 12751073
He 5.24 X 1074 7.24 X 107°
CHy 1.7.%.10=4 9.4 x10°°
Kr 1.14 x 107* 33x107*

E S(incoal) + O,(g) — SO,(g)

Pollution in the Troposphere

« A number of important chemical reactions take place
in the troposphere as a by-product of industrial
activity, from the production of nitric oxide (NO)
and ozone (O3) in photochemical smog:

NO,(g) + hv — NO(g) + O(g)

0(g) + 0x(9) — 04(9)

- to tr|1e production of acid rain from the burning of
coal:

250,(g) + O4(g) — 2S04(g)
SO4(g) + HO() — H,SO,(aq)
Chicago, Field Museum of Natural History

— 1920
1990

Altitude (km)

The Atmosphere

* The Earth’s atmosphere is divided into four main
regions based on the variation of temperature with
altitude.

THERMOSFHERE

0 200 400 600 800
Pressure (mm Hg)

Maximum ozone

Me Everest [

100 90 —80 —70 —60 50 —40 30 0 10 20 0 4 NC

Temperature

sim. to Figure 7.28

Atmospheres of Other Planets

Planet /

(Satellite) ~ Pressure (atm) Temperature Composition (mol %)
Mercury <1012 ~430°C (day) He, H,, O,, Ar, Ne (Na and K from solar wind)
~-170°C (ight)
Venus o1 462°C CO, (96.5), N, (3.5), He, SO, H,0, Ar, Ne
Earth 10 -20-40°C N, (78), O, (21), Ar (0.9), H,0, CO,, Ne, He, CH,, Kr
(Moon) 2x104 -100°C (day) Ne, Ar, He, (Na and K from solar wind)
-150°C (night)
Mars 7x103 63°C €O, (95.3), N, (2.7), Ar (L6), 0, (0.13), CO, H,0,
NO, Ne
Jupiter 4106 (interior) | ~70°C (base of | H, (89), He (11), CH,, NHy, C,Hg, C;Hy, PH;
troposphere)
(lo) ~10%0 ~-160°C SO,, SO, S vapor
Saturn ~4 105 (interior) | ~-140°C (base of | H, (96.3), He (3.3), CH,, NHy, H,0, C;Hg, PH;
(Titan) 16 ~-180°C N, (98.4), CH, (1.4), C;Hs, C,H,, C;H,, HCN, H,
Uranus >10° (interior) ~-200°C H, (83), He (15), CH, (2)
Neptune >106 (interior) ~-210°C H, (80), He (19), CH,
Pluto ~106 ~-220°C N,, CO, CH,
Eris ~-240°C CH,
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The Greenhouse Effect and Global Warming

« Another potentially major atmospheric problem is
the continuing release of carbon dioxide from the
burning of fossil fuels.

« Some of the radiant energy from the Sun is re-
radiated by the Earth’s surface as infrared energy;
although much of this energy passes out through the
atmosphere, some is absorbed by atmospheric gases
such as water vapor, carbon dioxide, and methane.

« In 1860 the concentration of CO, in the atmosphere
was 290 ppm; currently it stands at 370 ppm.

« Increasing the amount of CO, in the atmosphere
may cause the surface temperature to increase,
leading to increased melting of polar ice, causing
ocean levels to rise.
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The Ozone Layer

« In the troposphere, ozone is a pollutant produced
when sunlight reacts with unburned hydrocarbons
and nitrogen oxides. It irritates the eyes and lungs,
and in high concentrations can cause lung damage.

» Higher in the atmosphere, ozone plays a different
role. The ozone layer is found in the stratosphere
from 20-40 km above the Earth’s surface. Ozone
absorbs high-energy ultraviolet (UV) light, shielding
the surface from receiving large amounts of this
damaging radiation.

O, +hv—0,+0
A <320 nm
» Normally, O, and O recombine to re-form Os.
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Catalytic Destruction of Ozone by Chlorine

« In the stratosphere, UV light strikes a CFC
molecule, breaking a C—Cl bond, and releasing a
chlorine atom.

CFCl, + hv — CFCl, + Cl

+ This Cl atom has an unpaired electron, making it a
highly reactive radical species, which can react with
ozone, converting it into O,:

Cl + 0, - 0, + CIO
0,+hvy—0,+0
CIoO+0 —Cl+0,

Net reaction: 20; — 30,

Paul J. Crutzen, Mario J. Molina, and F. Sherwood Rowland,
Nobel Prize in Chemistry, 1995
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Repairing the Ozone Layer

« An international agreement called the Montreal
Protocol on Substances that Deplete the Ozone
Layer, signed in 1987, cut back on the production
and use of CFCs, and has since been extended by
many countries to be a complete ban, but there is
still a significant black market in these compounds.

* Substitutes for the CFCs include the hydrofluoro-
carbons (HFCs) and the hydrochlorofluorocarbons
(HCFCs), which are not fully halogenated (i.e., they
contain H atoms); these compounds are less stable,
and degrade to a large extent before reaching the
ozone layer. Among these are HFC-134a, CF,CH,F,
and HCFC-22, CHF,CI.

« Amounts of CFCs in the stratosphere will continue
to rise through the early 2000s, and will not return to

acceptable levels until the middle of the century. .

CFCs and Ozone Depletion

 Chlorofluorocarbons (CFCs) contain C, Cl and F
atoms, such as CF,Cl, (Freon-12) and CFCl; (Freon-
11). These solvents have low boiling points, are
extremely stable, nonflammable, and nontoxic, and
were widely used in aerosol propellants, refrigerants,
and foaming agents in plastic foam production.

O leifcl leifcl O
Qd »F i e,

Freon-12 Freon-11 Q
Dichlorodifluoromethane Trichlorofluoromethane
< Inthe 1970s, it was realized that CFCs were
persisting in the atmosphere, and eventually making
their way into the stratospheric ozone layer.
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Catalytic Destruction of Ozone by Nitric Oxide

» The overall result of this reaction is to produce three
molecules of oxygen from two molecules of ozone.

» The chlorine atom is regenerated during the course
of the reaction; it is a catalyst, speeding up the
reaction without itself being consumed. A single
chlorine radical can destroy as many as 100,000
ozone molecules before being carried away to the
lower atmosphere.

+ Similar reactions occur with nitric oxide, which is
produced in photochemical smog:

NO + O, — NO, + O,
NO, + O — NO + O,

Net reaction: O; + O — O,

MOV: Catalytic Destruction of Ozone o4

The End
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