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Ideal and Real Gases in Thermodynamics

In thermodynamics, gases play a crucial role in understanding how energy and matter interact.
Two main types of gas behavior are considered: ideal gases and real gases. The distinction
between them lies in how accurately they follow the gas laws under different conditions. This
difference forms the basis for understanding various thermodynamic phenomena. This article
delves into the properties, equations, and distinctions between ideal and real gases, as well as the

significance of these concepts in real-world applications.

Ideal Gas

An ideal gas is a hypothetical gas that follows a set of idealized conditions. The concept is useful
for simplifying calculations in thermodynamic systems. An ideal gas is defined by the following

characteristics:

1. No intermolecular forces: In an ideal gas, there are no attractive or repulsive forces
between the molecules. The gas particles are considered as point particles, meaning they
have no volume and do not interact with each other except during elastic collisions.

2. Elastic collisions: When gas molecules collide with each other or with the walls of a
container, the collisions are assumed to be perfectly elastic. This means that no energy is
lost in the process.

3. Random motion: Gas molecules move in random directions with a wide distribution of
velocities, but the average kinetic energy of the molecules is directly proportional to the
gas temperature.

4. Gas laws applicability: Ideal gases obey the gas laws perfectly, including Boyle’s law,

Charles’s law, and Avogadro’s law.



These assumptions are valid under low pressure and high temperature conditions. Under these
circumstances, intermolecular forces become negligible, and the gas behaves closely to the ideal
gas model. However, deviations occur when gases are subject to high pressure or low

temperatures, leading us to the concept of real gases.
The Ideal Gas Law

The behavior of an ideal gas can be described by the Ideal Gas Law, given by the equation:

PV = nRT

Where:

e P s the pressure of the gas,

e Visthe volume of the gas,

e nisthe number of moles of gas,

e Ris the universal gas constant (8.314 J/mol-K), and

e T isthe temperature of the gas in Kelvin.

This equation effectively ties together the pressure, volume, temperature, and number of moles
of an ideal gas. It is derived from combining the empirical laws of Boyle, Charles, and

Avogadro, which describe the relationship between these variables under different conditions.

Real Gas

In contrast to ideal gases, real gases exhibit behavior that deviates from the ideal gas laws,
especially under high pressure or low temperature conditions. Real gases take into account
intermolecular forces and the finite volume of molecules. These deviations are crucial when
dealing with gases in practical applications, such as in industrial processes, the atmosphere, or

any situation where gases are subject to extreme conditions.



Characteristics of Real Gases

1.

Intermolecular forces: In a real gas, there are forces of attraction and repulsion between
molecules. These forces become significant at high pressures, where molecules are forced
closer together, or at low temperatures, where the kinetic energy of the molecules
decreases, making interactions more pronounced.

Finite molecular volume: Unlike in an ideal gas, real gas molecules have a finite size.
This means that the volume occupied by the gas particles themselves cannot be neglected,
particularly under conditions of high pressure where the space between particles is
reduced.

Deviation from gas laws: Real gases do not strictly follow the ideal gas law under all
conditions. Instead, their behavior can be described using more complex models, such as
the Van der Waals equation, which adjusts the ideal gas law to account for

intermolecular forces and molecular volume.

The Van der Waals Equation

To describe the behavior of real gases, the Van der Waals equation introduces two correction

terms into the ideal gas law:

(P- ;) (V — b) = nRT

a accounts for the intermolecular forces between gas molecules (the higher the a, the
stronger the attractive forces between particles),

b represents the volume occupied by the gas molecules (the higher the b, the larger the
molecules),

P is the pressure,

V is the volume,

T is the temperature, and



e R s the universal gas constant.

This equation corrects the ideal gas law by acknowledging that real gases do not have perfectly
elastic collisions or negligible intermolecular forces. The parameter a accounts for the
intermolecular attractions, and b accounts for the finite size of the gas molecules. The Van der
Waals equation is particularly useful when modeling the behavior of gases at high pressures or

low temperatures, where deviations from ideal gas behavior become significant.

Comparing ldeal and Real Gases
Pressure and VVolume Behavior

For an ideal gas, the pressure and volume are inversely proportional, as described by Boyle’s
Law. However, real gases deviate from this relationship, especially at high pressures. In real
gases, intermolecular attractions cause the actual pressure to be lower than predicted by the ideal
gas law because molecules are attracted to each other, reducing the force they exert on the

container walls.
Temperature Dependence

In an ideal gas, the temperature is directly proportional to the average kinetic energy of the
molecules. This relationship holds reasonably well for real gases at high temperatures. However,
at low temperatures, real gases begin to condense into liquids or solids as intermolecular

attractions dominate, which the ideal gas law cannot predict.
Compressibility Factor (Z)

The compressibility factor ZZZ is a useful quantity for comparing the behavior of real and ideal

gases. It is defined as:



PV
nBRT

For an ideal gas, Z — 1. However, for real gases, Z may be greater or less than 1, depending on the
conditions. Deviations of Z from 1 indicate the extent to which a gas deviates from ideal behavior.
When Z < 1, the gas experiences attractive forces (dominant at moderate pressures), and when

Z = 1, repulsive forces become significant (usually at high pressures).

Applications and Importance

The distinction between ideal and real gases is important for practical applications, particularly

in engineering and industrial processes. For example:

1. Industrial Gas Storage: In industries, gases like oxygen, nitrogen, and natural gas are
stored and transported at high pressures. Understanding the real gas behavior under such
conditions is crucial for designing safe storage systems.

2. Atmospheric Science: In atmospheric studies, the behavior of gases like nitrogen and
oxygen in the air needs to account for real gas deviations, particularly at high altitudes
where temperatures are lower and pressure is reduced.

3. Refrigeration and Cryogenics: In refrigeration systems and cryogenic applications,
gases are often cooled to very low temperatures, where they deviate significantly from
ideal behavior. Accurate thermodynamic modeling of real gases is essential for the

efficient design of such systems.

Conclusion

Understanding the distinction between ideal and real gases is fundamental in thermodynamics.
While the ideal gas law provides a simplified and useful model for predicting gas behavior under
many conditions, real gases deviate from this behavior due to intermolecular forces and finite
molecular volume. The Van der Waals equation and other models offer more accurate

descriptions of gas behavior under extreme conditions. By comparing the two, scientists and



engineers can make better predictions and develop more efficient systems in fields ranging from

industrial gas handling to environmental studies.



