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IV. KINETIC THEORY OF IDEAL GASES

1. INTRODUCTION

What we have discussed so far applies to liquids and solids as well, but from this point we only consider gases. In the
kinetic theory of gases the gas is treated as a large collection of point-like balls that occasionally collide with each other
and with the walls of the container, but apart from this they do not interact with each other (as if they were bouncy little
spheres).

Ideal gas in a container – theoretic  model

2. EQUIPARTITION OF ENERGY AND DEGREES OF FREEDOM
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The number of independent ways in which the system is able to store energy is called the degrees of freedom
(denoted by an f). According to the equipartition theorem, if a system is in equilibrium at a given temperature, the time
average of the energy stored in a degree of freedom is the same for every available degree of freedom:

 ,

where k is the Boltzmann constant (1.38∙10-23 J/K). We should note that this   energy is not the total energy of the

whole system, but the energy that is stored in one degree of freedom of a single particle. If the given particle has f

degrees of freedom then its average energy is   . The total internal energy of a system that consists of N identical

particles is given as:

 .

From this last equation we can see that as long as the number of particles remains unchanged the change in internal
energy is proportional to the change in temperature:

 .

The other thing that we can notice is that the internal energy of a certain gas only depends on the temperature of the
gas. This could even serve as the definition of temperature: given two objects, the one at a higher temperature has
more energy on average per degree of freedom. When the two objects come in contact, the equipartition theorem
applies to the combined object as well, and the energy is shared evenly over all available degrees of freedom. This
means that the colder object receives energy (heat) from the warmer object.

In the case of a monatomic gas f = 3, since the atom can move in the three independent directions of the three spatial
dimensions. The three kinetic energy terms associated with such motion are:



 ,    , and    .

For a molecule that consists of two atoms, in addition to the translation we can also consider the rotation along the two
axes that are perpendicular to the line that connects the two atoms. The kinetic energy that corresponds to the rotation

along each of those axes is  . The two atoms can also perform harmonic oscillation along the line that connects

the two atoms. Such vibration involves both a kinetic and a potential energy term;, however, these degrees of freedom
only become available at higher temperatures. Therefore the number of available degrees of freedom for a diatomic
gas is either f = 3 (at lower temperatures) or f = 5 (at higher temperatures). A molecule that contains three or more
atoms – as long as the atoms do not line up – can rotate along three mutually perpendicular axes, resulting in f = 6. In
the case where the atoms do line up f = 5. Considering the vibrational degrees of freedom we get larger numbers than
these depending on the type of material and the temperature.

3. IDEAL GASES

It is well known that if we increase the temperature of a gas its volume and/or pressure also increases.

In the case of an ideal gas the following equation of state (universal gas law) applies:

        or        

where n is the number of moles, and R is the universal gas constant (8.31 J/K). Then the internal energy can be

determined as  . We stress that these equations are only approximately valid for real gases. The ideal gas

approximation is more appropriate for real gases when the density of the gas is small, and it is far from its boiling point.

4. SPECIAL PROCESSES OF AN IDEAL GAS

In general, as long as the number of particles does not change, we can use the   equation (universal gas

law). Those special processes during which one of these parameters remains constant are much simpler; accordingly
we can consider isobaric, isochoric, and isothermal processes.

Isobaric process

During an isobaric process the pressure of the gas remains constant (p = constant). If we cancel the constant pressure
in the universal gas law we get

The work done by the gas is

 ,

but since pVi = nRTi , it can be re-written as

 .

The change in internal energy is  , therefore the heat received by the gas (using the first law of

thermodynamics) is  . Raising the temperature of n = 1 mol of the gas requires   of

heat, therefore the molar isobaric heat capacity of the gas is  .

Isochoric process

During such a process the volume V is constant, therefore we get:



The work done by the gas is zero, consequently the change in internal energy is equal to the heat that the gas receives:

The third term shows that the molar isochoric heat capacity of the gas is  . The difference between the molar heat

capacities measured for a constant pressure process and a constant volume process is obviously R. The ratio of the
two molar heat capacities is

(pronounced as kappa), and it is called the adiabatic exponent. It is apparent that the same temperature change
requires more heat during an isobaric process because the gas does work during the expansion, and this work
decreases the energy of the gas. By definition there is no expansion during the isochoric process, therefore the work
done by the gas is zero.

Isothermal process

During this process the temperature T is constant, therefore pV is also constant:

The internal energy of the gas does not change; all of the heat received by the gas is used up to do work:

 EXAMPLE  

 

Examples: The p-V diagram below shows all the processes that we have discussed so far. The blue lines mark
two isotherms, i.e. lines along which the temperature is constant. Since the temperature is proportional to the
product pV according to the equation of state, we can also determine that T2 > T1. The red line marks an

isobaric expansion. If we moved from the right to the left instead, then it would mean an isobaric compression.
The green line depicts an isochoric cooling.

Adiabatic process

During an adiabatic process the system (in our case the gas) does not exchange heat with its surroundings because it

is either insulated or does not have time to do so. Therefore Q = 0, and  .



The equation of state for an adiabatic process is

Combining   with the equation of state we get the Poisson equations:

The p-V diagram below shows adiabatic processes for different values of κ. The blue line is an isotherm for
comparison.

 EXERCISE  

 

Problem. A thermally insulated container with the shape of a horizontal cylinder has a volume of 44.8 m3. The
container is divided into two parts by a thin insulating piston that is free to move without friction, and there is a
200 W heating filament in the left-hand side section. Initially the piston is in the middle and both sides contain a

noble gas at the same 105 Pa pressure. How long does the filament have to be on before the volume on the
right-hand side decreases to half of the original value?

Solution: The gas on the right-hand side goes through adiabatic compression. The final pressure can be
determined as

Since the system is in equilibrium at the end of the heating period, the pressure on the left-hand side has to be
the same. The internal energy of the gas on the left-hand side changes by

The energy change on the right-hand side can be calculated similarly



According to the first law of thermodynamics this equals the work done on the right-hand side gas by the left-
hand side gas. Using the first law one more time, the heat received by the gas on the right-hand side can be
determined

The time necessary for the filament to provide this much heat is
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