LibreTextsw

5.7: Effusion and Diffusion

&b Learning Objectives

o To understand the significance of the kinetic molecular theory of gases

We now describe how the kinetic molecular theory of gases explains some of the important relationships we have discussed
previously.

Diffusion and Effusion

As you have learned, the molecules of a gas are not stationary but in constant and random motion. If someone opens a bottle of
perfume in the next room, for example, you are likely to be aware of it soon. Your sense of smell relies on molecules of the
aromatic substance coming into contact with specialized olfactory cells in your nasal passages, which contain specific receptors
(protein molecules) that recognize the substance. How do the molecules responsible for the aroma get from the perfume bottle to
your nose? You might think that they are blown by drafts, but, in fact, molecules can move from one place to another even in a
draft-free environment.

Diffusion is the gradual mixing of gases due to the motion of their component particles even in the absence of mechanical agitation
such as stirring. The result is a gas mixture with uniform composition. Diffusion is also a property of the particles in liquids and
liquid solutions and, to a lesser extent, of solids and solid solutions. The related process, effusion, is the escape of gaseous
molecules through a small (usually microscopic) hole, such as a hole in a balloon, into an evacuated space.

The phenomenon of effusion had been known for thousands of years, but it was not until the early 19th century that quantitative
experiments related the rate of effusion to molecular properties. The rate of effusion of a gaseous substance is inversely
proportional to the square root of its molar mass. This relationship is referred to as Graham’ law, after the Scottish chemist
Thomas Graham (1805-1869). The ratio of the effusion rates of two gases is the square root of the inverse ratio of their molar

masses:
rate of effus%on A _ % (5.7.1)
rate of effusion B My

Ethylene oxide

Figure 5.7.1 for ethylene oxide and helium. Helium (M = 4.00 g/mol) effuses much more rapidly than ethylene oxide (M = 44.0
g/mol). Because helium is less dense than air, helium-filled balloons “float” at the end of a tethering string. Unfortunately, rubber
balloons filled with helium soon lose their buoyancy along with much of their volume. In contrast, rubber balloons filled with air
tend to retain their shape and volume for a much longer time. Because helium has a molar mass of 4.00 g/mol, whereas air has an

/29
average molar mass of about 29 g/mol, pure helium effuses through the microscopic pores in the rubber balloon 100 - 2.7

times faster than air. For this reason, high-quality helium-filled balloons are usually made of Mylar, a dense, strong, opaque
material with a high molecular mass that forms films that have many fewer pores than rubber. Hence, mylar balloons can retain
their helium for days.
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Figure 5.7.1: The Relative Rates of Effusion of Two Gases with Different Masses. The lighter He atoms (M = 4.00 g/mol) effuse
through the small hole more rapidly than the heavier ethylene oxide (C,H40) molecules (M = 44.0 g/mol), as predicted by
Graham’s law.

At a given temperature, heavier molecules move more slowly than lighter molecules.

v/ Example 5.7.1

During World War II, scientists working on the first atomic bomb were faced with the challenge of finding a way to obtain
large amounts of 235y, Naturally occurring uranium is only 0.720% 2351, whereas most of the rest (99.275%) is 23817, which
is not fissionable (i.e., it will not break apart to release nuclear energy) and also actually poisons the fission process. Because
both isotopes of uranium have the same reactivity, they cannot be separated chemically. Instead, a process of gaseous effusion
was developed using the volatile compound U F (boiling point = 56°C).

1. Calculate the ratio of the rates of effusion of 23°UFg and 233UFj for a single step in which UFg is allowed to pass through a
porous barrier. (The atomic mass of 23U is 235.04, and the atomic mass of 238U is 238.05.)

2. If n identical successive separation steps are used, the overall separation is given by the separation in a single step (in this
case, the ratio of effusion rates) raised to the nth power. How many effusion steps are needed to obtain 99.0% pure >3°UFg?

Given: isotopic content of naturally occurring uranium and atomic masses of 235U and 238U
Asked for: ratio of rates of effusion and number of effusion steps needed to obtain 99.0% pure 2>°UFg
Strategy:

A. Calculate the molar masses of 2>>UFg and >*®UFg, and then use Graham’s law to determine the ratio of the effusion rates.
Use this value to determine the isotopic content of 2>>UFg after a single effusion step.

B. Divide the final purity by the initial purity to obtain a value for the number of separation steps needed to achieve the
desired purity. Use a logarithmic expression to compute the number of separation steps required.

Solution:

1. The molar mass of 238UF; is 238.05 + (6)(18.998) = 352.04 g/mol

The difference is only 3.01 g/mol (less than 1%). The ratio of the effusion rates can be calculated from Graham’s law using

Equation 6.8.1:
rate 2°UF 352.04 g/mol
= =1.0043 5.7.2
rate 238UFg 349.03 g/mol ( )

Thus passing UFg containing a mixture of the two isotopes through a single porous barrier gives an enrichment of 1.0043,
so after one step the isotopic content is (0.720%)(1.0043) = 0.723% 2°UFg.

3. B To obtain 99.0% pure 2>UFg requires many steps. We can set up an equation that relates the initial and final purity to the
number of times the separation process is repeated: final purity = (initial purity)(separation)”

In this case, 0.990 = (0.00720)(1.0043)", which can be rearranged to give
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0.990
1.0043" = 0.00720 — 137.50 (5.7.3)
4. Taking the logarithm of both sides gives
n1n(1.0043) =1n(137.50) (5.7.4)
 In(137.50)

"= Tn(Lo0a3) ~ 1148 (5.7.5)

Thus at least a thousand effusion steps are necessary to obtain highly enriched 2>°U. Figure 5.7.2 shows a small part of a
system that is used to prepare enriched uranium on a large scale.
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Figure 5.7.2: A Portion of a Plant for Separating Uranium Isotopes by Effusion of UFg The large cylindrical objects (note the
human for scale) are so-called diffuser (actually effuser) units, in which gaseous UFg is pumped through a porous barrier to
partially separate the isotopes. The UFg must be passed through multiple units to become substantially enriched in 3°U.

? Exercise 5.7.1

Helium consists of two isotopes: *He (natural abundance = 0.000134%) and “He (natural abundance = 99.999866%). Their
atomic masses are 3.01603 and 4.00260, respectively. Helium-3 has unique physical properties and is used in the study of
ultralow temperatures. It is separated from the more abundant “He by a process of gaseous effusion.

a. Calculate the ratio of the effusion rates of >He and “He and thus the enrichment possible in a single effusion step.
b. How many effusion steps are necessary to yield 99.0% pure *He?

Answer: a. ratio of effusion rates = 1.15200; one step gives 0.000154% >He; b. 96 steps

Rates of Diffusion or Effusion

Graham’s law is an empirical relationship that states that the ratio of the rates of diffusion or effusion of two gases is the square
root of the inverse ratio of their molar masses. The relationship is based on the postulate that all gases at the same temperature have
the same average kinetic energy. We can write the expression for the average kinetic energy of two gases with different molar

masses:
1 My 1 Mg
KE = ——=1? ==—— 5.7.6
) NA vrms,A ) NA vrms,B ( )
Multiplying both sides by 2 and rearranging give
1)Ems B M A
—_—— = 5.7.7
’U?ms,A MB ( )
Taking the square root of both sides gives
vrms M
—meB A (5.7.8)
Urms,A Mg
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Thus the rate at which a molecule, or a mole of molecules, diffuses or effuses is directly related to the speed at which it moves.
Equation 6.8.4 shows that Graham’s law is a direct consequence of the fact that gaseous molecules at the same temperature have
the same average kinetic energy.

Typically, gaseous molecules have a speed of hundreds of meters per second (hundreds of miles per hour). The effect of molar mass
on these speeds is dramatic, as illustrated in Figure 5.7.3 for some common gases. Because all gases have the same average kinetic
energy, according to the Boltzmann distribution, molecules with lower masses, such as hydrogen and helium, have a wider
distribution of speeds.
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Figure 5.7.3: The Wide Variation in Molecular Speeds Observed at 298 K for Gases with Different Molar Masses

The lightest gases have a wider distribution of speeds and the highest average speeds.

Molecules with lower masses have a wider distribution of speeds and a higher average speed.

Gas molecules do not diffuse nearly as rapidly as their very high speeds might suggest. If molecules actually moved through a
room at hundreds of miles per hour, we would detect odors faster than we hear sound. Instead, it can take several minutes for us to
detect an aroma because molecules are traveling in a medium with other gas molecules. Because gas molecules collide as often as
10! times per second, changing direction and speed with each collision, they do not diffuse across a room in a straight line, as
illustrated schematically in Figure 5.7.4.

Figure 5.7.4: The Path of a Single Particle in a Gas Sample. The frequent changes in direction are the result of collisions with other
gas molecules and with the walls of the container.

The average distance traveled by a molecule between collisions is the mean free path. The denser the gas, the shorter the mean free
path; conversely, as density decreases, the mean free path becomes longer because collisions occur less frequently. At 1 atm
pressure and 25°C, for example, an oxygen or nitrogen molecule in the atmosphere travels only about 6.0 x 1078 m (60 nm)
between collisions. In the upper atmosphere at about 100 km altitude, where gas density is much lower, the mean free path is about
10 cm; in space between galaxies, it can be as long as 1 x 10'° m (about 6 million miles).
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The denser the gas, the shorter the mean free path.

v/ Example 5.7.2

Calculate the rms speed of a sample of cis-2-butene (C4Hg) at 20°C.
Given: compound and temperature

Asked for: rms speed

Strategy:

Calculate the molar mass of cis-2-butene. Be certain that all quantities are expressed in the appropriate units and then use
Equation 6.8.5 to calculate the rms speed of the gas.

Solution:

To use Equation 6.8.4, we need to calculate the molar mass of cis-2-butene and make sure that each quantity is expressed in the
appropriate units. Butene is C4Hg, so its molar mass is 56.11 g/mol. Thus

J
3 x 8.3145 x (20+273) K
T :
tems = 1| 2L _ K - mol —361 m/s (5.7.9)
M 56.11 x 1072 kg

or approximately 810 mi/h.

? Exercise 5.7.2

Calculate the rms speed of a sample of radon gas at 23°C.
Answer: 1.82 x 10 m/s (about 410 mi/h)

The kinetic molecular theory of gases demonstrates how a successful theory can explain previously observed empirical
relationships (laws) in an intuitively satisfying way. Unfortunately, the actual gases that we encounter are not “ideal,” although
their behavior usually approximates that of an ideal gas. In Section 10.8, we explore how the behavior of real gases differs
from that of ideal gases.

Graham’s law of Diffusion and Effusion:

Summary

o The kinetic molecular theory of gases provides a molecular explanation for the observations that led to the development of the
ideal gas law.

o Average kinetic energy:
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€K = —MUpys. = ——1T, (5.7.10)

¢ Root mean square speed:

Upms = BT a— (5.7.11)
¢ Kinetic molecular theory of gases:
3RT
Urms — 7 (5712)
¢ Graham’s law for effusion:
Urms,B My
mss A 7.1
Urms,A MB (5 7 3)

Diffusion is the gradual mixing of gases to form a sample of uniform composition even in the absence of mechanical agitation. In
contrast, effusion is the escape of a gas from a container through a tiny opening into an evacuated space. The rate of effusion of a
gas is inversely proportional to the square root of its molar mass (Graham’s law), a relationship that closely approximates the rate
of diffusion. As a result, light gases tend to diffuse and effuse much more rapidly than heavier gases. The mean free path of a
molecule is the average distance it travels between collisions.

5.7: Effusion and Diffusion is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts.

¢ 6.8: Gas Properties Relating to the Kinetic-Molecular Theory is licensed CC BY-NC-SA 4.0.
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