






Chemical energy stored by molecules can be released as heat during chemical reactions

when a fuel like methane, cooking gas or coal burns in air. The chemical energy may also

be used to do mechanical work when a fuel burns in an engine or to provide electrical

energy through a galvanic cell like dry cell. Thus, various forms of energy are interrelated

and under certain conditions, these may be transformed from one form into another. The

study of these energy transformations forms the subject matter of thermodynamics. The

laws of thermodynamics deal with energy changes of macroscopic systems involving a

large number of molecules rather than microscopic systems containing a few molecules.

Thermodynamics is not concerned about how and at what rate these energy

transformations are carried out, but is based on initial and final states of a system

undergoing the change. Laws of thermodynamics apply only when a system is in

equilibrium or moves from one equilibrium state to another equilibrium state. Macroscopic

properties like pressure and temperature do not change with time for a system in

equilibrium state.

What do we study in chemical thermodynamics?



Some Basic Concepts and Terminology

For the purposes of thermodynamics, the universe is divided into two

parts, the system and its surroundings. The system is the part of the

world in which we have a special interest. It may be a reaction vessel,

an engine, an electrochemical cell, a biological cell, and so on. The

surroundings comprise the region outside the system and are where

we make our measurements. The type of system depends on the

characteristics of the boundary that divides it from the surroundings

If matter can be transferred through the boundary between the

system and its surroundings the system is classified as open. If matter

cannot pass through the boundary the system is classified as closed.

Both open and closed systems can exchange energy with their

surroundings. For example, a closed system can expand and thereby

raise a weight in the surroundings; a closed system may also transfer

energy to the surroundings if they are at a lower temperature. An

isolated system is a closed system that has neither mechanical nor

thermal contact with its surroundings.



Some Basic Concepts and Terminology

Macroscopic Properties. The properties associated with a macroscopic system (i.e.,

consisting of large number of particles)· are called macroscopic properties. They are

pressure, volume, temperature, composition, density. viscosity, surface tension, refractive

index, etc.

Homogeneous and Heterogeneous Systems. A system is said to be homogeneous when it is

Completely uniform throughout, as for example, a pure solid or a liquid or a solution or a

mixture of gases. In other words, a homogeneous system consists of only one phase.

A phase is defined as a homogeneous physically distinct part of a system which is bounded

by a surface and is mechanically separable from other parts of the system. A system is said to

be heterogeneous when it is not uniform throughout. In other words, a heterogeneous system

is one which consists of two or more phases. Thus a system consisting of two or more

immiscible liquids, or a solid in contact with a liquid in which it does not dissolve, is a

heterogeneous system. A liquid in contact with its vapour is also a heterogeneous system

because it consists of two phases.



Some Basic Concepts and Terminology

State of a System: When the macroscopic properties of a system have definite values, the system

is said to be in definite state. Whenever there is a change in any one of the macroscopic

properties, the system is said to change into a different state. Thus, the state of a system is fixed

by its macroscopic properties.

State Variables: Since the state of a system changes with change in any of the macroscopic

properties, these properties are called state variables. It also follows that when a system changes

from one state (called initial state) to another state (called final state), there is invariably a change

in one or more of the macroscopic properties. Pressure temperature, volume, mass and

composition are the most important state variables. In actual practice, it is not necessary to

specify the state variables because some of them are interdependent. In the case of a single gas,

composition is not one of the variables because it remains always 100 per cent. Further, if the gas

is ideal and one mole of the gas is under examination, it obeys the equation PV=RT, where R is

the gas constant. Evidently, if only two of the three variables (P, V and T) are known; the third

can easily be calculated. The two variables, generally specified are temperature and pressure.

These are called independent variables. The third variable, generally, volume is said to be

dependent variable, as its value depends upon the values of P and T. Thus, the thermodynamic

state of a system consisting of a single gaseous substance may be completely defined by

specifying any two of the three variables, viz.; temperature, pressure and volume.



Extensive and intensive properties; An extensive property of a system is that which depends upon the

amount of the substance or substances present in the system. The examples are mass, volume and

energy. An intensive property of a system is that which is independent of the amount of the substance

present in the system. The examples are temperature, pressure, density ,viscosity, refractive index,

surface tension and specific heat. In the light of the above definitions, extensive properties of a single

(pure) substance will depend upon the number of moles (n) of the substance present and also on any

two of the three variables P, V and T (called independent variables). If n is kept constant, the extensive

properties of the system will depend only on the two independent variables.

Thermodynamic Processes; The operation by which a system changes from one state to another is

called a process. Whenever a system changes from one state to another it is accompanied by change in

energy. In the case of open systems, there may be change of matter as well. The following types of

processes are known.

Isothermal process; A process is said to be isothermal if  the temperature of  the system remains 

constant during each 'stage of  the process.

Adiabatic process; A process is said to be adiabatic if  no heat enters or leaves the system during any 

step of  the process.

Isobaric process; A process is said to be isobaric if  the pressure of  the system remains constant during 

each step of  the process.

Some Basic Concepts and Terminology



Some Basic Concepts and Terminology

Reversible and Irreversible Processes. A process carried out infinitesimally slowly so that the

driving force is only infinitesimally greater than the opposing force, is called a reversible process.

Any process which does not take place in the above manner, i.e., a process which does not take

place infinitesimally slowly, is said to be an Irreversible process. A reversible process cannot be

realised in practice because it would require infinite time for its completion. Hence, almost all

processes occurring in nature or laboratory are irreversible. A reversible process, therefore,

remains imaginary and theoretical. Nevertheless, this concept is highly useful since it leads to some

definite conclusions.



Work, Heat and Energy

The fundamental physical property in thermodynamics is work: work is done to achieve

motion against an opposing force. A simple example is the process of raising a weight against

the pull of gravity. A process does work if, in principle, it can be harnessed to raise a weight

somewhere in the surroundings. An example of doing work is the expansion of a gas that

pushes out a piston: the motion of the piston can in principle be used to raise a weight. A

chemical reaction that drives an electric current through a resistance also does work, because

the same current could be passed through a motor and used to raise a weight. The energy of a

system is its capacity to do work. When work is done on an otherwise isolated system (for

instance, by compressing a gas or winding a spring), the capacity of the system to do work is

increased; in other words, the energy of the system is increased. When the system does work

(when the piston moves out or the spring unwinds), the energy of the system is reduced and it

can do less work than before.

Experiments have shown that the energy of a system may be changed by means other than

work itself. When the energy of a system changes as a result of a temperature difference

between the system and its surroundings we say that energy has been transferred as heat.



When a heater is immersed in a beaker of water (the system), the capacity of the system to

do work increases because hot water can be used to do more work than the same amount

of cold water. Not all boundaries permit the transfer of energy even though there is a

temperature difference between the system and its surroundings. Boundaries that do

permit the transfer of energy as heat are called diathermic; those that do not are called

adiabatic. An exothermic process is a process that releases energy as heat into its

surroundings. All combustion reactions are exothermic. An endothermic process is a

process in which energy is acquired from its surroundings as heat. An example of an

endothermic process is the vaporization of water. In an exothermic process energy is

transferred ‘as heat’ to the surroundings and in an endothermic process energy is

transferred ‘as heat’ from the surroundings into the system. However, it must never be

forgotten that heat is a process (the transfer of energy as a result of a temperature

difference), not an entity. An endothermic process in a diathermic container results in

energy flowing into the system as heat to restore the temperature to that of the

surroundings.

Work, Heat and Energy



An exothermic process in a similar diathermic container results in a release of energy as heat

into the surroundings. When an endothermic process takes place in an adiabatic container, it

results in a lowering of temperature of the system; an exothermic process results in a rise of

temperature.

Work, Heat and Energy



Heat and Work: Molecular Interpretation

In molecular terms, heating is the

transfer of energy that makes use of

disorderly molecular motion in the

surroundings. The disorderly motion of

molecules is called thermal motion. The

thermal motion of the molecules in the

hot surroundings stimulates the

molecules in the cooler system to move

more vigorously and, as a result, the

energy of the system is increased.

When a system heats its surroundings,

molecules of the system stimulate the

thermal motion of the molecules in the

surroundings

Fig: When energy is transferred to the surroundings as 

heat, the transfer stimulates random motion of the 

atoms in the surroundings. Transfer of energy from the 

surroundings to the system makes use of random 

motion (thermal motion) in the surroundings.



In contrast, work is the transfer of energy

that makes use of organized motion in the

surroundings. When a weight is raised or

lowered, its atoms move in an organized

way (up or down). The atoms in a spring

move in an orderly way when it is wound;

the electrons in an electric current move in

an orderly direction. When a system does

work it causes atoms or electrons in its

surroundings to move in an organized way.

Likewise, when work is done on a system,

molecules in the surroundings are used to

transfer energy to it in an organized way,

as the atoms in a weight are lowered or a

current of electrons is passed.

Heat and Work: Molecular Interpretation

Fig: When a system does work, it stimulates orderly motion in 

the surroundings. For instance, the atoms shown here may be 

part of a weight that is being raised. The ordered motion of the 

atoms in a falling weight does work on the system.



Heat and Work: Molecular Interpretation



Pressure-Volume Work

Both work and heat refer to the manner in which energy is transferred between some

system of interest and its surroundings. We define heat, q, to be the manner of energy

transfer that results from a temperature difference between the system and its

surroundings. Heat input to a system is considered a positive quantity; heat evolved by a

system is considered a negative quantity. We define work, w, to be the transfer of energy

between the system of interest and its surroundings as a result of the existence of

unbalanced forces between the two. If the energy of the system is increased by the

work, we say that work is done on the system by the surroundings, and we take it to be a

positive quantity. On the other hand, if the energy of the system is decreased by the

work, we say that the system does work on the surroundings, or that work is done by

the system, and we take it to be a negative quantity. A common example of work in

physical chemistry occurs during the expansion or compression of a gas as a result of

the difference in pressures exerted by the gas and on the gas.



Pressure-Volume Work

An important aspect of work is that it can always be related to the raising or lowering

of a mass in the surroundings. To see the consequences of this statement, consider the

situation in Figure 1, where a gas is confined to a cylinder that exerts a force Mg on the

gas. In Figure 1a, the initial pressure of the gas, Pi' is sufficient to push the piston

upward, so there are pins holding it in position. Now, remove the pins and allow the gas

to lift the mass upward to the new position shown, and let the pressure of the gas now

be Pr. In this process, the mass M has been raised a distance h, so the work done by the

system is

Fig. 1a: The effect of work is equivalent to the raising

or lowering of a mass in the surroundings. In (a) work

is done by the system because the mass is raised,

The negative sign here is in accord with our convention

that work done by a system is taken to be a negative

quantity. If we divide Mg by A, the area of the piston, and

multiply h by A, then we have



Pressure-Volume Work
But Mg/A is the external pressure exerted on the gas and Ah is the change in volume experienced by 

the gas, so we have

Note that ΔV > 0 in an expansion, so w < 0. Clearly, the

external pressure must be less than the pressure of the

initial state of the gas in order that the expansion

occur.

After the expansion, Pext = Pf

Now consider the situation in Figure 1b, where the

initial pressure of the gas is less than the external

pressure Pext = Mg /A, so the gas is compressed when

the pins are removed. In this case, the mass M is

lowered a distance h, and the work is given by
Fig. 1b: work is done on the system because the 

mass is lowered.
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Pressure-Volume Work







Internal Energy







None of the expressions we have derived depends on the volume occupied by the molecules: there are no intermolecular
interactions in a perfect gas. That is, the internal energy of a perfect gas is independent of the volume it occupies.



















Alternatively we can say that ΔU is a state function whereas w and q are not.

Mathematically, this is expressed by saying that while the differential of energy, dU, is

an exact differential, the differentials of heat and work, viz., dq and dw, respectively,

are inexact differentials. Exact differentials can be integrated between the appropriate

limits. This cannot be done in the case of inexact differentials,











Enthalpy
Under constant volume conditions, no
work is done on or by the system, as a
result, all the heat supplied goes into
raising the internal energy (U) of the
system. However the change in internal
energy is not equal to the energy
transferred as heat when the system is
free to change its volume. Under these
circumstances some of the energy
supplied as heat to the system is
returned to the surroundings as
expansion work (see the fig.) so dU is less
than dq.

At constant Volume dq = dU

At constant Pressure dq > dU = dH











Assignment Problem?





Variation of U with Temperature: Heat Capacity at constant Volume, Cv



Variation of U with Temperature: Heat Capacity at constant Volume, Cv





Variation of U with Temperature: Heat Capacity at constant Volume, Cv



Variation of U with Temperature: Heat Capacity at constant Volume, Cv



Heat Capacity of a monoatomic perfect gas at constant Volume, Cv



Heat Capacity at constant Volume, Cp



Heat Capacity at constant Volume, Cp



• Energy as heat required to raise the temperature of a substance by one kelvin.

• Depends upon the temperature T.

• An extensive quantity, because the energy required to raise the temperature of a 

substance by one kelvin depends upon the amount of substance.

• Is a path function as well: its value depends upon whether we heat the substance at 

constant volume or at constant pressure. 

At constant Volume At constant Pressure

Cp > Cv

















Isothermal Expansion of an Ideal Gas: Calculation of ΔU, ΔH, w and q, 

With the help of the First law pf thermodynamics it is possible to calculate changes in

thermodynamic properties such as q, w, ΔU, ΔH when an ideal gas undergoes expansion. The

expansion may be isothermal or adiabatic and the process of expansion may be carried out

reversibly or irreversibly.







It is evident from the above discussion that the magnitude of work done by a system on

expansion depends upon the magnitude of the opposing (external) pressure. The closer is the

opposing pressure to the pressure of the gaseous system in the cylinder, the greater is the

work performed by the system on expansion. In other words maximum work is obtained

when the two opposing pressures differ only by an infinitesimal amount from each other.

This condition is evidently demanded for a thermodynamically reversible process. Hence,

the condition for maximum work coincides with that for thermodynamic reversibility.



Work done in irreversible isothermal expansion of an ideal gas 

We  come across  two  types  of  irreversible isothermal expansions, viz; 1. expansion  against zero  

pressure,  i.e.,  in vacuum (called free expansion) and expansion  against  a  particular  constant  

external  pressure  whose  magnitude  is  less  than  the P of the gas; i.e.,  Pext < P (called intermediate 

expansion). 

Free  Expansion; Since  in free  expansion,  the external pressure is  zero. therefore,

Intermediate expansion; Suppose  the  volume of the gas  increases  from  V1 to  V2 against a 

constant external pressure,  Pext. The  work done is  then given  by 



Adiabatic Expansion of an Ideal Gas: Calculation of ΔU, ΔH, w and q, 



Adiabatic Expansion of an Ideal Gas: Calculation of ΔU, ΔH, w and q, 



Variation of enthalpy of a reaction with Temperature: Kirchhoff's Equation



Variation of enthalpy of a reaction with Temperature: Kirchhoff's Equation
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