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Ideal Gases

OBJECTIVES:
19. State the macroscopic gas laws relating pressure, volume and temperature.
20. Define the term mole.
21. Define the Avogadro constant.

22. State that the equation of state of an ideal gas is pV = nRT.

23. Describe the concept of the absolute zero and the Kelvin scale.

24. Solve problems using the equation of state of an ideal gas.

25. Describe the kinetic model of an ideal gas.

26. Explain the macroscopic behaviour of an ideal gas in terms of the molecular model.

The idea of pressure is useful in situations in which a force is distributed over a surface. For example, the wind can provide a force to move a boat but the force provided by the wind is spread over the whole of the surface of the sails of the boat.  Pressure is defined as force per unit area.
Therefore, the relation between force and pressure can be expressed as 

	 


where F represents the magnitude of the force and A the area over which it is spread.

Many units are used for pressure depending on the situation but the fundamental (SI) units for pressure are Nm-2, (1Nm-2 = 1Pa).

Measuring Atmospheric Pressure
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An inverted test tube is placed in a reservoir of mercury. The pressure of the atmosphere (represented by the red arrows) keeps the mercury in the tube. However, this is only possible if the pressure due to the atmosphere is strong enough to support the weight of the mercury. If we repeat the experiment with a much longer tube, the situation is as shown in the next diagram.

	[image: image2.jpg]vacuum







In this case, the mercury falls until the pressure due to the weight of the mercury column (acting at the level of the surface of the mercury in the reservoir) is just equal to the pressure exerted by the atmosphere. In other words, the height, H, gives us a measure of the strength of the atmospheric pressure. If the pressure of the air increases, a little more mercury will be pushed into the tube and H will increase. The instrument shown in the diagram is called a mercury barometer.
Normal (or standard) atmospheric pressure is strong enough to support a column of mercury 760mm high. This explains why pressures are often stated in mmHg. We say that normal atmospheric pressure is equivalent to 760mmHg. Alternatively, a pressure of 760mmHg is called 1atmosphere.
· 1 atm = 760 mm Hg (aka torr)
The SI unit for measuring pressure is the pascal (Pa).

· 1 atm = 101.3 kPa

The main unit to measure pressure in the US is pound per square inch, psi.

· 1atm = 14.7 psi 
If a gas is said to be at standard temperature and pressure, STP (or normal temperature and pressure, NTP), this means it is at 760mmHg and 0°C.
Why a Gas Exerts a Pressure
Consider the molecules of a gas moving at random in a container, as shown below.
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The molecules are continually colliding with each other and with the walls of the container. (On the diagram, only a few paths of molecules have been drawn). It is assumed that all collisions are elastic. When a molecule collides with the wall, a change of momentum occurs. The change in momentum is caused by the force exerted by the wall on the molecule. The molecule exerts an equal but opposite force on the wall. The pressure exerted by the gas is due to the sum of all these collision forces.

Why the Pressure Exerted by a Gas Increases as the Temperature Increases

If the temperature of the gas is increased, the average kinetic energy of its molecules increases. Therefore, the molecules hit the wall "harder" and also more frequently. The total force due to the collisions is greater. Therefore the pressure increases.

Why the Temperature of a Gas Increases when it is Compressed 
The diagram below represents a quantity of gas in a cylinder with a moveable piston.
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If a molecule experiences an elastic collision with a stationary wall it will rebound at the same speed. However, a molecule colliding with the surface of the piston as it is moving so as to compress the gas into a smaller volume will rebound moving faster than before the collision. Thus the average speed of the molecules will increase. This means the temperature will increase.
Similarly, if the piston is moving the opposite way, the average speed (and therefore the temperature) will decrease.
Distribution of Molecular Speeds

Maxwell and Boltzmann used the kinetic theory to predict the distribution of speeds of molecules to be expected at a given temperature. They suggested that the number of molecules, N, which have speeds in a narrow range (from v to v + v) should give the following distribution.
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	vo corresponds to the "peak" of the curve, called the most probable speed. 

vm is the mean (or average) speed of the molecules.


As the temperature of the gas increases, both the range of speeds and the mean (average) speed increases.

Therefore, for the same quantity of gas at a higher temperature the distribution is as shown by the red curve on the diagram below.
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The gas laws describe the results of experiments investigating the relation between the pressure, volume and temperature of a fixed mass of gas.

The Pressure Law and the Absolute Zero of Temperature 

Consider a quantity of gas in a container of constant volume. If the pressure exerted by the gas is measured at different temperatures, the results are as shown by the graph below.
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If we continue the graph beyond the pressure axis we can find the temperature at which the pressure exerted by the gas should be zero. 
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This temperature is (about) -273°C. The pressure of a gas is due to the motion of its molecules so we must assume that at this temperature, the molecules have stopped moving. We therefore suggest that -273°C is the lowest temperature possible; it is the absolute zero of temperature.
These results do not depend on the type of gas.
This gives us the Kelvin or absolute scale of temperature. Temperatures on this scale are written TK, without any "degree" symbol. Thus 0°C becomes 273K, 100°C becomes 373K etc.
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Charles’ Law

Consider a quantity of gas in a container of variable volume. If we change the temperature of the gas and allow it to change volume at constant pressure, the results are as shown by the graph below. 
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This conclusion of this experiment is expressed in The Pressure Law, stated as follows.

	The pressure of a fixed mass of gas at constant volume is directly proportional to the absolute temperature.


The conclusion of this experiment is expressed in Charles’ Law, stated as follows.

	The volume of a fixed mass of gas at constant pressure is directly proportional to the absolute temperature.


If a fixed mass of gas has initial (absolute) temperature T1 and initial volume V1 and final (absolute) temperature and volume T2 and V2 respectively, then we can write
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The Boyle/Marriotte Law

We now consider varying the pressure and volume of a sample of gas while maintaining its temperature constant. The results of such an experiment are shown below. 
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This should be no surprise since we know that the pressure exerted by a gas increases as it is compressed into a smaller volume. If we plot pressure against 1/volume, we obtain the following graph.
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These results do not depend on the type of gas.
The conclusion of this experiment is expressed in the Boyle/Marriotte Law, stated as follows.

	The pressure of a fixed mass of gas at constant temperature is inversely proportional to the volume.


If a fixed mass of gas has initial pressure p1 and initial volume V1 and final pressure and volume p2 and V2 respectively, then we can write

	p1V1 = p2V2


The gas laws can be combined to give a single equation. For a fixed mass of gas its pressure times its volume divided by its absolute temperature is a constant. PV/T = k

So that P1V1/T1 = P2V2/T2
The Universal Gas Constant
The equation of state for an ideal gas can be applied to real gases as long as we limit the range of temperatures and pressures. 
The "constant" in the equation obviously depends on the quantity of gas in the container. It also depends on the type of gas; oxygen, hydrogen etc., because, for a given mass of gas we have a different number of particles for different gases.
Avogadro suggested that at a given temperature and pressure, equal volumes of any gas (behaving as an ideal gas) contains equal numbers of particles. This is called Avogadro’s law and has been confirmed by experiment.

Therefore, if we consider a given number of particles of any gas in our cylinder we can find a really constant constant. This is called the universal gas constant, R.

The number of particles we chose to define this constant is (approximately) 6×1023. This number is called Avogadro’s number, NA. If we have this number of particles of a substance, we say we have 1mol of that substance. The mole is the amount of substance which contains the same number of elementary entities as there are in 12 grams of carbon-12.
The equation of state is therefore usually written as 
	pV = nRT


where, n is the number of mols of gas.

The units of R are JK-1mol-1 

Ideal Gas and Real Gases

Ideal Gas

An (imaginary) gas which obeys the gas laws perfectly for all temperatures and pressures is called an ideal (or perfect) gas. A large number of point masses moving in random translational motion with no forces between them (all collisions are completely elastic, and take no time).
In order for a gas to be considered ideal

I. there must be negligible forces of attraction between its molecules
  

II. the total volume of its molecules must be negligible compared with the volume occupied by the gas.
  

Real Gases
Real gases near STP (760mmHg and 0°C) behave like an ideal gas.

Real gas molecules attract each other and do not occupy negligible volume when the gas is at high pressure. If we decrease the temperature and increase the pressure of a real gas it will eventually change its state. At this stage the gas laws no longer apply (since you don’t have a gas any more). 

The Kinetic Theory of Gases

When the moving particle theory is applied to gases it is generally called the kinetic theory. The kinetic theory relates the macroscopic behaviour of an ideal gas to the microscopic behaviour of its molecules or atoms. 
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