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1. Objectives 

(i) To predict the possibility of the process.

(ii) To differentiate system and surroundings from universe.

(iii) To define various process, properties; state and path functions; spontaneous and non-spontaneous; exo-and endo-thermic process.

(iv) Interrelate work, heat, and energy.

(v) Laws of thermodynamics.

(vi) To measure changes in internal energy and enthalpy.

(vii) To relate E and H

(viii) To determine enthalpy changes of various physical process.

(ix) To determine enthalpy changes in formation, formation, combustion, neutralization.    

(x) To understand non-conventional energy resources and to identify different renewable energy resources.

2. Introduction 

The term thermodynamics is derived from Greek word, ‘Thermos’ meaning heat and ‘dynamics’ meaning flow. Thermodynamics deals with the inter-relationship between heat and work. It is concerned with the interconversions of one kind of energy into another without actually crating or destroying the energy. Energy is understood to be the capacity to do the work. It can exist in many forms like electrical, chemical, thermal, mechanical, gravitational, etc. Transformations from one to another energy from and prediction of the feasibility of the process are the important aspects of thermodynamics.  

As an illustration, from our common experience steam engines are seen to transform heat energy to mechanical energy, by burning of coal which is a fossil fuel. Actually, the engines use the energy stored in the fuel to perform mechanical work. In chemistry, many reactions are encountered that can be utilized to provide heat and work along with required products. At present thermodynamics is widely used in physical, chemical and biological sciences focusing mainly on the aspect of predicting the possibility of the process connected with each science. On the other hand, it fails to provide insight into two aspects: firstly, the factor of time involved during the initial to final energy transformation and secondly, on the quantitative microscopic properties of matter like atoms and molecules.       

 3. Terminology used in thermodynamics

 It is useful to understand few terms that are used to define and explain the basic concepts and law of thermodynamics.

3.1. System

Thermodynamically a system is defined as any portion of matter under consideration which is separated from the rest of the universe by real or imaginary boundaries.

3.2. Surroundings 
Everything in the universe that is not the part of system and can interact with it is called as surroundings.
3.3. Boundary 
Anything (fixed or moving) which separates the system from its surroundings is called boundary.

For example, if the reaction between A and B substances are studied, the mixture A and B, from the system. All the rest, which includes beaker, its wall, air room etc. From the surroundings. The boundaries may be considered as part of the system or surroundings depending upon convenience. The surroundings can affect the system by the exchange of matter or energy across the boundaries.
3.1.1. Types of systems     

In thermodynamics different types of systems are considered, which depends on the different kinds of interactions between the system and surroundings.

3.1.1.1. Isolated system

A system which can exchange neither energy nor matter with its surroundings is called isolated system. For example, a sample in a sealed thermos flask with walls made of insulating materials represents an isolated system (fig. 1).      

3.1.1.2. Closed system 
A system which permits the exchange of energy but not mass, across the boundary with its surroundings is called a closed system.

For example, A liquid in equilibrium with its vapours in a sealed tube represents a closed system since the sealed container may be heated or cooled to add or remove energy from its contents while no mater (liquid or vapour) can be added or removed.
3.1.1.3. Open system
A system is said to be open if it can exchange both energy and matter with its surroundings.

For example, a open beaker containing an aqueous salt solution represents open system. Here, mater and heat can be added or removed simultaneously or separately from the system to its surroundings.  
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Fig. 1. Pictorial representation of  (a) Isolated (thermos flask), (b) Closed (closed beaker) 
and (c) Open (open beaker) systems
3.1.2.  Homogeneous and Heterogeneous systems      
A system is said to be homogeneous if the physical states of all its matter are uniform. For example, mixture of gases, completely miscible mixture of liquid etc. 


A system is said to be heterogeneous, if its contents does not possess the same physical state. For example, immiscible liquids, solid in contact with a gas, etc.

3.1.3. Macroscopic properties of system

The properties which are associated with bulk or macroscopic state of the system such as pressure, volume, temperature, concentration, density, viscosity, surface tension, refractive index, colour etc. are called as macroscopic properties. 

3.1.3.1. Types of macroscopic properties of system


Measurable properties of a system can be divided into two types.   

3.1.3.1.1. Extensive properties
The properties that depend on the mass or size of the system are called as extensive properties. Examples, volume, number of moles, mass, energy, internal energy, etc. the value of the extensive property is equal to the sum of extensive properties of smaller parts into which the system is divided. Suppose x1 ml, x2 ml, x3 ml of 1,2,3 gases are mixed in a system, the total volume of the system equals to (x1 + x2 + x3) ml. Thus volume is an extensive property.     

3.1.3.1.2. Intensive property
The properties that are independent of the mass or size of the system are known as intensive properties. For example, refractive index, surface tension, density, temperature, boiling point, freezing point, etc., of the system. These properties do not depend on the number of moles substance in the system.


If any extensive property is expressed per mole or per gram or per ml, it becomes an intensive property. For example, mass, volume, heat capacity are extensive properties while density, specific volume, specific heat, are intensive properties.  

4. State functions

4.1. State of a system

A system is said to be in a particular physical state when specific values of the macroscopic properties of the system are known. For example, the gaseous state of matter can be described by parameters like Pressure (P), Volume (V), and Temperature (T) etc. The values of these parameters change when the matter is in liquid state. Thus, the state of the system defined by specific measurable macroscopic properties of the system.

The initial state of the system refers to the starting state of the system before any kind of interaction with surroundings.


The final state of the system refers to the state after the interaction of system with its surroundings. A system can interact with its surroundings by means of exchange of matter or heat or energy.


The variables like P, V, T, composition (no. of moles) ‘n’ that are used to describe the state of the system are called as state variables or state functions. When the state of the system changes, the values of the state functions of the system also change. Thus, the state functions depend only on the initial and final states of the system and not on how the changes occur. Also, if the values of state functions of a system are known, all other properties like mass, viscosity, density, etc., of the system become specified. 


For specifying a state of the system, it is not necessary to know all the state functions, since they are independent and only a few of them are sufficient. A system which satisfies the conditions of thermal, mechanical and chemical equilibria and contains the macroscopic properties which are independent of time is said to be in thermodynamic equilibrium. 

4.1.1. Thermodynamic equilibrium sets the condition that there should be no flow of heat from one portion or part of the system to another portion or part of the system. ie. Temperature of the system remaining constant at every point of the system. 

4.1.2.  Mechanical equilibrium implies that there is no work done by one portion or part of the system over another portion or part of the same system. ie. pressure of the system being constant at all its points.

4.1.3. Chemical equilibrium is demands that the composition of one or more phase of chemicals present in the system should remain constant.

5. Thermodynamic process 

A thermodynamic (physical or chemical) process may be defined as the pathway of series of intermediate changes that occur when a system is changed from initial to final state. Processes starting with the same initial state and ending at different final states corresponds to different thermodynamic processes.


Different types of processes are commonly used in the study of thermodynamics.
5.1. Isothermal process is defined as one in which the temperature of the system remains constant during the change from its initial to final states. During the isothermal process, the system exchanges heat with its surroundings and the temperature of the system remains constant.

5.2. Adiabatic process is defined as one in which the temperature of the system remains constant during the change from initial to final states. During, the isothermal process, the system exchanges heat with its surroundings and temperature of the system remains constant.


A thermally and completely insulated system with its surroundings can have changes in temperature during transformation from initial to final states in adiabatic process. This is because; the system cannot exchange heat with its surroundings.

5.3. Isobaric process is that process in which the pressure of the system remains constant during its change from the initial to final state of the process.

5.4. Cyclic process: The process which brings back the system to its original or initial state after a serious of changes is called as cyclic process.

5.5. Spontaneous process is those that occur on their own accord. For example heat flowing from a hotter end of the metal rod to a colder end. In these processes, the transformation of the system from initial, to the final state is favourable in a particular direction only. Many of these spontaneous processes are natural processes and are also, irreversible process.

5.6. Non-spontaneous processes are those that do not occur on their own accord. For example, although carbon burns in air evolving heat to from carbon dioxide, on its own carbon does not catch fire and an initial supply is required. Since many of the non-spontaneous processes are slow processes, they also exist as equilibrium processes.

5.7. Reversible process. In a reversible process the serious of changes carried out on the system during its transformation from initial state may be possibly reversed in an exact manner.


This is possible when the changes are carried out very slowly in many smaller steps on the system during its change from initial to final state. By doing so, each of its intermediate state will be in equilibrium with its surroundings. Under such conditions the initial and final states of the system become reversible completely.  

For example, when ice melts a certain amount of heat is absorbed. The water formed can be converted back to ice if the same amount of heat is removed from it. This indicates that many reversible processes are non-spontaneous processes also.

5.8. Irreversible processes 

An irreversible process is one which cannot be retraced to the initial state without making a permanent change in the surroundings. Many of the spontaneous processes are irreversible in nature.


For example, biological ageing is an irreversible process. Water flowing down a hill on its own accord is an irreversible process.


Some of the characteristics of thermodynamically reversible and irreversible processes are compared as below:

	Reversible processes
	Irreversible processes

	It is a slow process going through a serious of smaller stages with each stage maintaining equilibrium between the system and surroundings.
	In this process the system attains final state from the initial state with a measurable speed. During the transformation, there is no equilibrium maintained between the system and surroundings.

	A reversible process can be made to proceed in forward or backward direction.
	Irreversible process can take place in one direction only.

	The driving force for the reversible process is small since the process proceeds in small steps.
	There is a definite driving force required for the progress of the irreversible process.

	Work done in reversible process is greater than the corresponding work done in irreversible process.
	Work done in a irreversible process is always lower than the same kind of work done in a reversible process.

	A reversible process can be brought back to the initial state without making a change in the adjacent surroundings.
	An irreversible process cannot be brought back to its initial state without making a change in the surroundings.


 5.9. Exothermic and endothermic processes 

When the thermodynamic process is a chemical reaction or a physical transformation, process is classified as either exothermic or endothermic depending on the nature of the heat involved in the overall process. These two processes are differentiated as follows:

	Endothermic process
	Exothermic process

	A process when transformed from initial to final states by adsorption of heat is called as an endothermic process. 
	A process when transformed from initial to final states by evolution of heat is called as exothermic process.

	The final state of the system possesses higher energy than the initial state. The excess energy needed is adsorbed as heat by the system from the surroundings.
	The final state of the system possesses lower energy than the initial state. The excess energy is evolved as heat. Example: All combustion processes are exothermic. 

	Generally in a physical transformation which is endothermic heat is supplied to bring about the initial to final state. Example: melting of solid by supplying heat is an endothermic process. 
	If the physical transformation is exothermic heat is removed to bring about the initial to final state. Example: freezing of liquid at its freezing point is an exothermic process. 


6. Nature of thermodynamic functions
The properties of thermodynamic system depend on variables which are measurable and change in values when the state of the system changes. These variables are classified as state variables or state functions and path variables (or) path functions.


The state function considered in gaseous systems like, P, V, and Tare called state functions. A state function is thermodynamic property of a system which as specific values for each state of the system and does not depend on the path in which a particular state is reached. Other than P, V, T there are other important thermodynamic properties existing as state functions like internal energy (U), enthalpy (H), free energy (G) etc. 


A path function is a thermodynamic property of the system whose value depends on the path or manner by which by the system goes from its initial to final states. It is also depends on the previous history of the system. for example, work (w) and heat (q) are some of the thermodynamic properties of the system that are path functions. There values change when there is change in manner in which the system goes from initial to final states.

7. Zeroth law of thermodynamics 
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Consider any two objects each maintained at different temperature, when brought in thermal contact with each other such that heat is exchanged until a thermal equilibrium is reached, then the two objects are consider to have equal temperatures. For example, if a beaker containing water and a thermometer are the two objects, while reading the temperature of the water in the beaker using the thermometer, a thermal equilibrium is reached between the two objects having a contact with each other. Also, when the temperatures of the thermometer bulb and that of water in the beaker are same, thermal equilibrium has said to be occurred.  

Fig. 2. (i) A and B are thermal equilibrium with C, (ii) A, B, and C are in thermal equilibrium with each other.

Zeorth law of thermodynamics is also known as the law of thermal equilibrium. It provides a logical basis for the concept of temperature of a system. it can be stated as follows.

 ‘If two systems at different temperature are separately in thermal equilibrium with a third one, then they tend to be in thermal equilibrium with themselves’.Conversely, the zeroth law can be stated in another manner as,

‘When two objects are in thermal equilibrium with the third object, then there is thermal equilibrium between the two objects itself’.

7.1. Work, heat, and energy

In order to formulate the laws of thermodynamics it becomes necessary to know the properties and nature of work (w), heat (q), and energy (U).

1 Torr = 1 mm of Hg

7.1.1. Work (w)


In thermodynamics work is generally defined as the force (F) multiplied by the distance of displacement (s). That is,

W = F.s.

Several aspects should be considered in the definition of work which are listed below:

(i) work appears only at the boundary of the system.

(ii) work appears during the change in the state of the system.

(iii) work brings in a permanent effect in the surroundings.

(iv) work is an algebraic quantity.

(v) work is a path function and it is not a state function.

Types of work


Many types of work are known. Some of the types of work are as follows:

7.1.1.1. Gravitational work
This work is said to be done when a body is raised to a certain height against the gravitational field. If a body of mass `m' is raised through a height `h' against acceleration due to gravity `g', then the gravitational work carried out is `mgh'. In this expression, force is `mg' and the distance is `h'.
7.1.1.2. Electrical work
This type of work is said to be done when a charged body moves from one potential region to another. The electrical work is Q .V. if V is the potential difference causing the quantity of electricity 'Q' during its movement
7.1.1.3. Mechanical work

     This type of work is associated with changes in volume of a system when an external pressure is applied or lowered. This pressure-volume work is also referred to as the mechanical work.

7.1.2. Heat
Like work, heat (q) is regarded in thermodynamics as energy in transit across the boundary separating a system from its surroundings. Heat changes result in temperature differences between system and surroundings. Heat cannot be converted into work completely without

Producing permanent change either in the system or in the surroundings. Some of the characteristics of heat (q) are: 

(i) heat is an algebraic quantity.
(ii) heat is a path function and is not a state function.

(iii) heat changes are generally considered as temperature changes of the  system.

Sign convention for heat (q) and work (w)
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when,

(i) heat is absorbed by the system (or) heat is lost by surroundings to the system: +q

(ii) heat is evolved by the system (or) heat is gained by surroundings: -q.

(iii) work is done by the system : -w

(iv) work is done on the system : +w

If heat (q) is supplied to the system, the energy of the system increases and `q' is written as a positive quantity. If work is done on the system, the energy of the system increases and `w' is written as a positive quantity. When w or q is positive, it means that energy has been supplied to the system as work or as heat. In such cases internal energy (U) of the system increases. When w or q is negative, it means that energy is lost by the system as work or as heat. In such cases, the internal energy (U) of the system decreases.

7.1.3. Energy `U'

Energy is easily, defined as the capacity to do work. Whenever there is a change in the state of matter of a system, then there is a change in energy ((U) of the system. For example energy changes are involved in processes like melting, fusion, sublimation, vapourisation etc. of the matter in a system. Energy (U) exists in many forms. Kinetic energy (K.E.) arises due to motion of a body and potential energy (P.E.) arises due to its position in space.


In chemical systems, there are two types of energy available. The energies acquired by the system like electrical, magnetic, gravitational etc. and termed as external energies of the system. The internal energy is generally referred to as the energy (U) of a thermodynamic system which is considered to be made up of mainly by P.E. and K.E.

Characteristics of energy (U) are:

(i) U is a state function. Its value depend on the initial and final states of the system.

(ii) U is an extensive property. Its magnitude depend on the quantity of material in the system.

(iii) U is not a path function. Its value remains constant for fixed initial and final states and does not vary even though the initial and final states are connected by different paths.

(iv) In S.I. system the unit of energy is Joules `J' or kJ.

8. First law of thermodynamics

First law of thermodynamics is also known as the law of conservation of energy which may be stated as follows:


"Energy may be converted from one form to another, but cannot be created or be destroyed".

There are many ways of enunciating the first law of thermodynamics. Some of the selected statements are given below:

(i) "Energy of an isolated system must remain constant although it may be changed from one form to another".

(ii) "The change in the internal energy of a closed system is equal to the energy that passes through its boundary as heat or work".

(iii) "Heat and work are equivalent ways of changing a system's internal energy".

(iv) "Whenever other forms of energies are converted into heat or vice versa there is a fixed ratio between the quantities of energy and heat thus converted".


Significance of first law of thermodynamics is that, the law ascertains an exact relation between heat and work. It establishes that ascertain quantity of heat will produce a definite amount of work or vice versa. Also, when a system apparently shows no mechanical energy but still capable of doing work, it is said to possess internal energy or intrinsic energy.    

8.1. Enthalpy

In chemistry most of the chemical reactions are carried out at constant pressure. To measure heat changes of the system at constant pressure, it is useful to define a new thermodynamic state function called enthalpy ‘H’.


H is defined as sum of the internal energy ‘U’ of a system and the product of pressure and volume of the system.

    



 That is,

H = U + PV
8.1.1. Characteristic of H

Enthalpy, H depends on the three state functions U, P, V and hence it is also a state function. H is independent of the path by which it is reached. Enthalpy is also known by the term ‘heat content’.

Relationship between enthalpy ‘H’ internal energy ‘U’


When the system at constant pressure undergoes changes from an initial state with  H1, U1, V1, P parameters to a final state with H2, U2, V2, P parameters the change in enthalpy (H, is given by, 

 


(H = (H2-H1) = (U2-U1) + P(V2-V1)

i.e. 


(H = (U + P(V


Considering (U = q – w or q – P(V, (U + P(V becomes equals to ‘qp’. ‘qp’ is the heat adsorbed by the system at constant pressure for increasing the volume from V1 to V2. This is so because, -w indicates that the work is done by the system. Therefore volume increase against constant pressure is considered.  

   eqn. becomes  qp = 
(U + P(V




    = 
(H. or (H = qp

`qp' is the heat absorbed by the system at constant pressure and is considered as the heat content of the system.

     Heat effects measured at constant pressure indicate changes in enthalpy of a system and not in changes of internal energy of the system. Using calorimeters operating at constant pressure, the enthalpy change of a process can be measured directly.

     Considering a system of gases which are chemically reacting to produce

product gases with Vr and Vp as the total volumes of the reactant and

product gases respectively, and nr and np as the number of moles of gaseous

reactants and products, then using ideal gas law we can write that, at

constant temperature and constant pressure,

PVr = nrRT and PVp = npRT.

Then considering reactants as initial state and products as final state of

the system,

P(Vp - Vr) = RT (np - nr)

P(V = (ngRT where,

(ng refers to the difference in the number of moles of product and reactant gases. But, already known that (H = (U + P(V


(H = (U + (ngRT

Incertain processes internal energy change (U = (E also.

8.1.2. Standard enthalpy changes

The standard enthalpy of a reaction is the enthalpy change for a reaction when all the participating substances are present in their standard states.


The standard state of substance at any specified temperature is its pure from at 1 atm pressure. For example standard state of solid iron at 500 K is pure iron 500 K and 1 atm. Standard conditions are denoted by adding the superscript 0 to the symbol (H.


For reaction, the standard enthalpy change is denoted by (
rH0. Similarly, the standard enthalpy changes for combustion, formation, etc., are denoted by (cH0 and (fH0 etc., respectively. Generally the reactants are presented in their standard states during the enthalpy change. 

Thermochemical equations

A balanced chemical equation together with standard conventions adopted and including the value of (H of the reaction is called a thermochemical equation. 

The following conventions are necessarily adopted in thermochemical equation:

(i) The coefficients in a balanced thermocahmical equation refers to number of moles of reactants and products involved in the reactions 

(ii) The enthalpy change of reaction (rH has unit KJ mol-1 and will remain as it is, even if more than one mole of the reactant or product are involved but with only the magnitude changing.

(iii) When a chemical equation is reversed the value of (H is reversed in sign with the magnitude remaining the same.

(iv) Physical states of all species are important and must be specified in a thermochemical equation since (H depends on the phases of the reactants and products.

(v) If the thermochemical equation is multiplied throughout by a number, the enthalpy change is also be multiplied by the same number value. 

(vi) The negative sign of (rH0 indicates the reaction to be exothermic reaction and positive sign of (rH0 indicates an endothermic type of reaction  

For example, consider the following reaction,

2H2(g) + O2(g) +2H2O(g) (H0 = -483.7 KJ.mol-1
2H2(g) + O2(g)+2H2O(l) (H0 = -571.1 KJ.mol-1
The above thermochemical equations can be interpreted in several ways.

483.7 KJ given off per mole of the reaction =

483.7 KJ given off per 2 moles of H2(g) consumed =

483.7KJ given off per mole of O2(g) consumed =

483.7 KJ given off per 2 moles of water vapour formed

The above equation describes the combustion of H2 gas to water in a general sense. The first reaction can be considered as the formation reaction of water vapour and the second reaction as the formation of liquid water. Both the reaction refer to constant temperature and pressure.


The negative sign of (H indicates that it is an exothermic reaction. The reaction which is exothermic in the forward direction is endothermic in the reverse direction and vice-versa. This rule applies to both physical and chemical process. 

For example,

2H2O(l)2H2(g) + O2(g)         

(rH0 = +571.1 KJ mol-1
2H2O(g)2H2(g) + O2(g)
   

(Hr0 = +483.7 KJ mol-1

8.1.3. Enthalpy of combustion 

Generally combustion reactions occur in oxygen atmosphere with evolution of heat. These reactions are exothermic in nature. Enthalpy changes of combustion reactions are used in industrial heating and in rocket fuels and in domestic fuels. 


Enthalpy change of combustion (cH, of substance at a given temperature is defined as the enthalpy change of reaction accompanying the complete combustion of one mole of substance in presence of excess oxygen at that temperature. The enthalpy changes of combustion of substance in their standard states are known as standard enthalpy change of combustion (cH0. These values are useful to experimentally determine the standard enthalpy change of formation of organic compounds. 

8.1.4. Bomb calorimeter

Enthalpy changes of combustion of chemical substances are experimentally determined using a bomb calorimeter. 


The inner vessel or the bomb and its cover are made of strong steel. The cover is fitted tightly to the vessel by means of metal lid and screws. A weighed amount of substance is taken in a platinum cup or boat connected with electrical wires for striking an arc instantly to kindle combustion. The bomb is then tightly closed and pressured with excess oxygen. The bomb is lowered in water which is placed inside the calorimeter. A stirrer is placed in the space between the wall of the calorimeter and the bomb, so that water can be stirred, uniformly. The reaction is started in the bomb by heating the substance through electrical heating. During burning, the exothermic heat generated inside the bomb raises the temperature of the surrounding water bath. The enthalpy measurements in this case correspond to the heat of reaction at constant volume. Although the temperature raise is small, the temperature change can be measured accurately using Beckman thermometer. 


In a typical bomb calorimeter experiment, a weighed sample of benzoic acid (w) is placed in the bomb which is then filled with excess oxygen and sealed. Ignition is brought about electrically. The raise in temperature ((T) is noted. Water equivalent (wc) of the calorimeter is known from the standard value of enthalpy of combustion of benzoic acid.  

(Hc0 C6H5COOH(s)   = -3227 KJ mol-1

(Hc0 C6H5COOH X w/M2 = wc.(T

( where M2 = mol.wt of benzoic acid).
Knowing wc value, the enthalpy of combustion of any other substance is determined adopting the similar procedure and using the substance in place of benzoic acid. By this experiment, the enthalpy of combustion at constant volume ((Hc0 vol) is known      

(Hc0(vol) = wc.(T

Enthalpy of combustion at constant pressure of the substance is calculated from the equation,

 
 (Hc0(pr) = (Hc0(vol) + (ngRT

and (ng is known from the difference in the number of moles of the products and reactants in the completely balanced equation of combustion of the substance with excess oxygen.
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Fig. 3. Bomb calorimeter

Enthalpy of neutralization 

The enthalpy change of neutralization is defined as the enthalpy change accompanied by the complete neutralization of one gram-equivalent amount of strong acid by a gram-equivalent amount of a strong base under fully ionised state in dilute conditions. It is found that the enthalpy of neutralization of strong acid and a strong base is a constant value equal to -57.32  KJ. This value is independent of the nature of the strong acid and strong base. Strong acids and strong bases exist in the fully ionised form in aqueous solutions as below:

H3O+ + Cl- + Na+ + OH-  Na+ + Cl- + 2H2O

 



(or)

H3O+ (aq) + OH- (aq) 2H2O (l)   (neuHo = -57.32 KJ.

The H+ ions produced in water by the acid molecules exist as H3O+. During the neutralization reaction, water and salt are produced in solution. Thus, enthalpy change of neutralization is essential due to enthalpy change per mole of water formed from H3O+ and OH- ions. Therefore, irrespective of the chemical nature, the enthalpy of neutralisation of strong acid by strong base is a constant value. At infinite dilutions, complete ionisation of acids and bases are ensured and also the inter ionic interactions exist in the lowest extents.

 
In the case of neutralisation of a weak acid like acetic acid (CH3COOH) by a strong base (NaOH) or neutralisation of weak base (NH4OH) by a strong acid, two steps are involved. The first step is the ionisation of weak acid or weak base since these molecules are only partially ionised. The second step being the neutralisation step of H3O+ and OH- ions. Since ionisation of weak acids and weak bases in water are endothermic and some energy will be used up in dissociating weak acid and weak base molecules. Thus, acetic acid with NaOH and ammonium hydroxide with HCl neutralisation reactions can be written as,

 CH3COOHaq + H2O  CH3COO-aq + H3O+aq
Na+aq + H3O+aq + OH-aq  2H2O(l) + Na+aq
 



and

NH4OH  NH4 + + OH-
H3O+ + Cl- + OH-  2H2O + Cl-.

Enthalpy of neutralisation of a weak acid or a weak base is equal to -57.32 kJ + enthalpy of ionisation of weak acid (or) base. Since enthalpy of ionisation of weak acid or base is endothermic it is a positive value, hence enthalpy of neutralisation of a weak acid or base will be lower than the neutralisation of strong acid and strong base.

9. Exercises

1. From the following data at constant volume for combustion of benzene, calculate the heat of this reaction at constant pressure condition.

C6H6(l) + 7½O2(g)   6CO2(g) + 13H2O(l)     (E25°C = -781.1 kcal 

2. Calculate the enthalpy of combustion of ethylene at 300K at constant pressure if its enthalpy of combustion at constant volume is -1406 kJ mol-1.

3. The measured heats of neutralization of acetic acid, formic acid, hydrocyanic acid, and hydrogen sulphide are 13.20, 13.40, 2.90 and 3.80 KCal per g.equiv. respectively. Arrange these acids in a decreasing order of strength.

4. Heat of neutralization of formic acid by NH4OH is 11.9 KCal per g.equiv. What is the heat of ionization of NH4OH?

5. Calculate the enthalpy of combustion of acetic acid (l) when burnt in excess of O2 in a bomb calorimeter. Given that (Hf0, H2O(l) = -285.84 kJ mol-1, and for CO2(g) = -393.52 kJmol-1 and CH3COOH(l) = -463 kJ mol-1. 

6. Heat of neutralisation of a weak acid HA by NaOH is -12.13 kJ mol-1. Calculate the enthalpy of ionization of HA.

7. (H for the reaction qt 298 K CO(g) + ½ O2(g) CO2(g) is 282.85 kJmol-1. Calculate (U reaction.
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