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INTRODUCTION

The system in which the transfer of mass as 
well as energy can take place across its 
boundary is called as open system Ex. –
Boiling water, Heat engine

Open system 

– The system in which the transfer of energy takes 
place with  the surrounding without the transfer 
of mass  is called Closed system. Ex. –Water 
heated in closed vessel.

Closed system

The system in which neither energy nor mass is 
transferred across the boundary with 
surroundings is called as isolated system. Ex. 
Thermo-flask

Isolated 
system



CONCEPT OF PERFECT GAS

• Thermodynamic coordinates – Pressure, Volume and Temperature

• Normally the system is defined as f(P,V, T) = 0

• Example – Ideal gas equation – PV = nRT n – number of moles and R –

gas constant of the system.

• A perfect gas is also called as ideal gas. It obeys Boyle’s law.

• General gas equation is derived from kinetic theory of gases in which three 

basic assumptions are : 1- molecules are large in number and they are in 

random motion , obey Newton laws of motion 2- Volume of molecules is 

much smaller than volume of gas 3- No external forces act on the molecules 

except during elastic collisions of negligible duration

• Normally no gas obeys perfect gas law.

• Perfect gas law/ General gas law is obeyed at high temperature and low 

pressure



REAL GASES

• Boyle’s law is obeyed at lower pressure  and higher temperature. It is due to 

the  fact that at low pressure and high temperature, there is large distance 

between two molecules which leads to negligible intermolecular forces. 

• Real gas does not obey Boyle’s law below certain temperature which is called 

as Boyle’s temperature.

• Boyle’s temperature depends upon nature of gas.

• To modify the condition for real gas, consider ideal gas equation is given by 

PV = nRT, or  PV/nRT = 1. For real gas, PV/nRT=Z which is called as 

compressibility factor.



PLOT OF ‘Z’ V/S ‘P’ FOR REAL AND 
PERFECT GAS

Z

P

Z=1- Ideal gas

Z<1- deviation

Z>1- H2

Z<1- CO2

Plot of Z v/s Pressure P



ANDREW’S EXPERIMENT



EXPLANATION ABOUT ANDREW’S EXPERIMENT

 Liquefaction of gases was thoroughly investigated by Thomas Andrews in 1863. He

devised apparatus capable of applying measured pressures up to 200 times atmos-

pheric pressure to a gas. Above figure shows a cross-section of the apparatus.

1.Two capillary tubes sealed at the upper ends project vertically from a steel casing. 

2.The top part of one of the tubes contained the test gas, trapped by a thread of mer-

cury. 

The top of the other tube contained dry air as a control gas. 

The mercury in each tube was held in by the water pressure in the casing. 

The pressure could be increased by turning the screws.

Each tube was in its own water bath, the control bath at room temperature and the 

test bath at a temperature which could be changed. 

Both capillary tubes were previously checked for uniform diameter, and the 

volume of gas per mm length was measured before installing the tubes in the 

casing.



RESULTS OF ANDREW’S EXPERIMENT

With the test gas at constant temperature, the pressure was increased in 

steps.

At each step, the length of each gas column was measured when 

steady. Hence the volume of each gas could be determined.

 Since the control gas obeys Boyle's law its pressure could be 

calculated from its volume (using pV= poVo, p and V being the 

pressure and volume of the control gas at any step, po and Vo being the 

pressure and volume of the control gas at atmospheric pressure). 

Because the test gas was at the same pressure as the control gas at each 

step, then the pressure of the test gas could be found. 

So Andrews was able to obtain readings of pressure and volume at 

different constant temperatures for a fixed mass of test gas.



P-V INDICATOR DIAGRAM

The Figure shows the results for CO2 as the test gas, with pressure plotted on the vertical axis 

and volume on the horizontal axis. 

Each curve is at different constant temperature. The curves are referred to as isotherms of p 

against V. The state of the CO2 depends on its pressure, volume and temperature. The liquid 

state can only exist at or below the critical temperature.



CONCLUSION OF EXPERIMENT

• At C, the CO2, is entirely liquid. Further reduction of volume is now difficult to 

achieve because liquids are almost incompressible. So the pressure rises sharply 

from C to D.

• All the other isotherms below the critical isotherm are like ABCD in general, each 

with a liquid-only section, a saturated vapour and liquid section, and an unsaturated 

section. Above the critical isotherm, no liquid is present so there are no flat parts on 

the curves.

• Consider the isotherm labelled ABCD. At A, the C02 is an unsaturated vapour since no 

liquid is present. 

• If the volume is now reduced, the pressure rises to point B. At B, the CO2 vapour is just 

saturated. 

• Further reduction of the volume causes the saturated vapour to liquefy, the percentage of 

liquid increasing from B to C. 

• The saturated vapour pressure stays constant.



CRITICAL COORDINATES

• The critical temperature T. is the temperature above which no 

liquid can form, no matter how great the pressure of the gas is.

• The critical isotherm is the isotherm at the critical temperature. It is 

flat at one point only. Isotherms below the critical temperature are flat 

over a range of volume corresponding to CO, as saturated vapour and 

liquid. The point where the critical isotherm is flat is the highest 

temperature where liquid is present. This point is called the critical 

point.



CRITICAL COORDINATES

• Critical Temperature (TC ): It is defined as the temperature below which a gas 

can be liquefied by the increase of pressure alone and above it gas can not be 

liquefied however large the applied pressure may be.

• Critical Pressure (PC) : The pressure necessary to liquefy a gas at critical 

temperature TC is called critical pressure PC . 

• Critical Volume (VC) – It is the specific volume which unit mass of gas 

occupies at critical temperature TC and critical pressure PC . 

• Critical Point : It is the point on the isothermal for the critical temp. at which 

change of state from the gaseous state to liquid state take place under constant 

values of PC and VC . 



BEHAVIOR OF GASES AT HIGH PRESSURE





BEHAVIOR OF REAL GAS AT HIGH PRESSURE

• At high temp. values of PV increases with increase in P

• At low temp – PV decreases with increase of pressure

• Curve becomes minimum at a particular temperature and then it increases with invrease of 

pressure. The locus of this minima  is shown  by the dotted line in figure.

• Below critical temp. there is sudden decrease in PV with increase in pressure.

• This corresponds to change of state from gas to liquid and it is shaded region shown in the 

fig. 

• Based on Andrew’s experiment It is observed that,  

PV = A +BP+CP2 + DP3 +……. . Here A, B, C, D are constants are called virial coefficients. 

These constants change with temperature. The constant B has a special importance. 

The temperature at which B= 0 is called Boyle’s temperature TB.

At low temperature B is negative and at high temp. it is positive and at a particular temp. it is 

zero . This is called as Boyle temp TB. Below TB gases are highly compressible  but above that 

it is not compressible.



VAN DER WAALS EQUATION

• The behavior of real gas is different from that of perfect gas.

• PV = nRT can not be considered for real gases.

• At high pressure and low temp. there are intermolecular forces that affect 

pressure of  gas. So there is correction of pressure due to molecular 

attraction.

• At high pressure gas occupies less volume so intermolecular distance is 

small.

• So Both pressure and volume have to be modified so as to obtain gas 

equation



CORRECTION FOR FINITE SIZE OF THE MOLECULES

Ideal gas equation – PV =RT (one mole of gas)

Let molecules are of equal size , let radius of each molecule – r. 

Let the volume of container is V.
We consider one by one molecules enter the 

container . The volume of a molecule is 
4

3
𝜋𝑟3 . 

Let us say another molecule enters the container 

and occupies the space as shown in fig. Draw the a 

new sphere of radius 2r which is also called as 

sphere of influence. From fig it is observed that 

center of two molecules can approach each other  

only by min. dist. – 2r = d so

volume of sphere of influence = 
4

3
𝜋(2𝑟)3

i.e. Vs =8
4

3
𝜋𝑟3= 8x (x- vol of each 

molecule)



• Now we observe that 

• Volume available for first molecule is say =V 

• Volume available for second mol= V- Vs = V -8 x

• Volume for third mol. – V-2 Vs  = V – 2(8 x)

• Volume available for nth molecule – V – (N-1) Vs 

• Average space for each molecule  = 
𝑉+𝑉−𝑉𝑠+𝑉−2𝑉𝑠+⋯……+𝑉−(𝑁−1)𝑉𝑠

𝑁

• =
𝑁𝑉

𝑁
−

𝑉𝑠

𝑁
(1 + 2 + 3 + … .+ 𝑁 − 1 = 𝑉 −

𝑉𝑠

𝑁

𝑁 𝑁−1

2

= 𝑉 −
𝑁𝑉𝑠

2
+

𝑉𝑠

2
= 𝑉 − 𝑁 4𝑥 = 𝑉 − 𝑏 {(Vs /2 is neglected)  here b is  4Nx}

Corrected Volume is = V - b . b  is a constant and depends upon properties of gas.
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Van der waals equation of state can be written for one mole of the gas 

by considering correction for volume and correction for pressure in 

ideal gas equation. 

Correction for volume – (V-b)  ------ (I)

and correction for pressure is 𝑃 +
𝑎

𝑉2
----- (II)

So considering (I) and (II) in Ideal gas equation for one mole of gas we 

get,

-----Van der Waal equation

For n mole of gas above equation is written as,

𝑃 +
𝑛2𝑎

𝑉2
× (V−nb)=nRT . The constants ‘a’ and ‘b’ are defined for 

one mole of gas . 

Unit of ‘a’ = Nm-4 per mole, Unit of b = m3 per mole.  

𝑃 +
𝑎

𝑉2
× (V−b)=RT


