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                                                    CHAPTER-07

                                       EQUILIBRIUM
LECTURE-1
Reversible& Irreversible reaction:
· Irreversible reactions: The chemical reactions in which the products formed do not react to produce the original reactants are called irreversible reactions.
Example: AgNO3& NaCl react to form white precipitate of AgCl & NaNO3
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However, the reverse reaction is not possible, i.e. AgCl & NaNO3 do not react to produce AgNO3& NaCl.
· Reversible reactions: The chemical reactions in which products of reactions can also react with one another under suitable conditions to produce back the original reactants are called reversible reactions. These are denoted by double headed arrow[image: image3.png]


.
Example: When stream is passed over red hot iron, magnetic oxide of iron (Fe3O4)& hydrogen are formed.
[image: image5.png]3Fe + 4H,0 — Fe;0, + 4H,



   (Forward reaction)
When hydrogen is passed over red hot magnetic oxide, iron & stream are formed.

[image: image7.png]Fe;0, + 4H, — 3Fe + 4H,0



   (Backward reaction)
If the reaction between iron & steam is carried out in a closed vessel, both the reactions given above proceeds simultaneously as shown below
[image: image8.png]3Fe + 4H,0 < Fe;0, + 4H,




Other Examples:
I. [image: image10.png]N,(g) + 3H,(g) S 2NH;(g)




II. [image: image12.png]H,(g) +1;(g) = 2HI(g)




III. [image: image14.png]250,(g) + 0,(g) = 250;(g)




· Equilibrium in physical & chemical processes: Equilibrium is defined as the state of a process in which the properties like temperature, pressure, concentration of the system do not show any change with the passage of time. It is not static but dynamic in nature.
· Physical equilibrium: If the opposing processes involve only physical changes, the equilibrium is called physical equilibrium.
Examples:       

i. [image: image16.png]H,0(s) < H,0(1)




Ice             water

ii. [image: image18.png]



iii. [image: image20.png]L,(s) S L(g)




iv. [image: image22.png]NH,cl(solid) < NH,cl(vapour)




v. [image: image24.png]Camhor(solid) < Camhor(vapour)




· Chemical equilibrium: If the opposing processes involve chemical changes, the equilibrium is called chemical equilibrium. 
Let us consider solid-liquid equilibrium. Let us place some ice & water inside a perfectly insulated thermos flask at 273K & normal atmospheric pressure so that there is no exchange of heat between its contents & the surroundings.
It is observed that as the temperature as long as the temperature remains constant; there is no change of mass of ice & water. So the number of molecules going from ice to water are the same as the number of molecules going from water to ice.
At this stage, the concentration of ice & water becomes constant. This state of system is termed as equilibrium state and is represented as 

[image: image25.png]H,0(s) < H,0(1)




  Ice             water

On changing the temperature, equilibrium gets disturbed, e.g. at temperature greater than 273K, ice spontaneously melts into water. Similarly, at temperature less than 273K, more water changes into ice.

From the above observations, we conclude that ice & water are in equilibrium only at a particular temperature & pressure.

For any pure substance at atmospheric pressure, the temperature at which the solid & liquid phases are at equilibrium is called normal melting point or normal freezing point of the substance.
Obviously, the equilibrium in this case is dynamic equilibrium. Thus we conclude that, in any system at dynamic equilibrium, two opposing processes occur at the same time &at the same rate so that the mass of both sides of the equilibrium remains constant. In a similar way, we can explain the physical equilibria involved in liquid-vapour, solid-vapour equilibrium.
Equilibrium involving dissolution of solids in liquids or gases in liquids: 
· Solids in liquids: When we add a small amount of sugar to a large but fixed quantity of water at constant temperature, sugar molecules leave the solid crystal & disperse uniformly to form a homogeneous mixture of sugar & water called solution.
· The dissociation of sugar continues until the concentration of sugar acquires a constant value. If more sugar is now added, it will remain undissolved. The solution becomes saturated.
· After this, concentration of sugar in solution does not change with time. In the saturated
Solution, a dynamic equilibrium exists between the solute molecules in the solid state & in the solution as shown: 

[image: image27.png]Sugar(solid) < Sugar(solution)




The rate of dissociation of sugar = rate of crystallisation of sugar.

· Equality of the two rates & dynamic nature of equilibrium has been confirmed with the help of radioactive sugar. If we drop some radioactive sugar into saturated solution of non-radioactive sugar, then after some time, radioactivity is observed both in the solution & in the solid sugar.

· Initially, there were no radioactive sugar molecules in the solution but due to dynamic nature of equilibrium, there is exchange between the two phases. The ratio of the radioactive to non-radioactive molecules in the solution increases till it attains a constant value.
· Gases in liquids: when a soda water bottle is opened, some of the CO2 gas dissolved in its fizzes out rapidly. 
· The phenomenon arises due to difference in solubility of CO2 at different pressures. There is equilibrium between the molecules in the gaseous state & the molecules dissolved in the liquid under pressure i.e.[image: image29.png]CO,(g) = CO, (in solution)




· This equilibrium is governed by Henry’s law, which states that the mass of the gas dissolved in a given mass of a solvent at any temperature is proportional to the pressure of the gas above the solvent.
· This amount decreases with increase of temperature. The soda water bottle is sealed under pressure of gas when its solubility in water is high.

· As soon as the bottle is opened, some of the dissolved CO2 gas escapes to reach a new equilibrium condition required for a lower pressure, namely its partial pressure in the atmosphere.

Generalisation:
a) For [image: image31.png]solid < liquid



 equilibrium, there is only one temperature (melting point) at 1atm or 1.013bar at which the two phases can co-exist. If there is no exchange of heat with the surroundings, the mass of the two phases remains constant.
b) For [image: image33.png]liquid < vapour



 equilibrium, the vapour pressure is constant at a given temp.
c) For dissolution of solids in liquids, the solubility is constant at a given temperature.
d) For dissolution of gases in liquids, the concentration of a gas in liquid is proportional to the pressure of the gas over the liquid.
LECTURE-2
Chracteristics of equilibrium (Involving physical processes):

(i) Constancy of properties: The observable properties of a system such as pressure, concentration, colour etc. become constant after the attainment of chemical equilibrium.
(ii) Chemical equilibrium is dynamic in nature, since both the opposing reactions continue even after the equilibrium has been reached. 
At equilibrium, rate of forward reaction = rate of backward reaction.

(iii) Equilibrium is possible only in a closed system at a given temperature.

(iv) Equilibrium can be approached from either direction.

(v) Equilibrium is not affected by the presence of catalyst.
Equilibrium in chemical processes-(Dynamic equilibrium):

· When the rates of the forward & reverse reactions become equal, the concentration of the reactants & products remain constant. This is the stage of chemical equilibrium.  This equilibrium is dynamic in nature as it consists of a forward reaction in which the reactants give products & the reverse reaction in which products give the original reactants. 
· Let us consider the following reversible reaction

[image: image34.png]A+BSC+D




With passage of time, the concentration of the reactants A & B decreases & that of the products C & D increases. This leads to a decrease in the rate of forward reaction & an increase in the rate of the reverse reaction. Both the opposing reactions occur at the same rate & system reaches a state of equilibrium.
· Similarly, the reaction can reach the state of equilibrium even if we start with only C & D, i.e. no  A & B being present initially, as the equilibrium can be reached from either directions.
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· The dynamic nature of chemical equilibrium can be demonstrated in the synthesis of NH3 by Haber’s process. Haber started with known amounts of N2&H2 maintained at high temperature & pressure & determined the amount of NH3 present at regular intervals.
· He observed that after a certain time the composition of the mixture remains the same even though some of the reactants are still present. This constancy in composition indicates that the reaction has reached equilibrium.

· To explain the dynamic nature of the reaction, synthesis of NH3 is carried out using D2 in place of H2 under the same condition as with N2& H2. 
· The reaction mixtures starting either with H2 or D2 reach equilibrium with the same composition, except that D2& ND3are present instead of H2& NH3. After the attainment of equilibrium (H2, N2,NH3, & D2, N2, ND3) are mixed together & left for a while.
· Later on analysis of mixture, it was found that the concentration of NH3is just the same as before. On analysis of the mixture by mass spectrometer, it is found that NH3& all deuterium containing forms of NH3(NH3, NH2D, NHD2, & ND3) & H2&its deutrated forms (H2, HD & D2) are present.
· Thus it is concluded that scrambling of H & D atoms in the molecules must result from a continuation of the forward & reverse reactions in the mixture.

· Use of isotopes in the formation of NH3 clearly indicates that chemical reactions reach a state of dynamic equilibrium in which the rates of forward & reverse reactions are equal & there is no net change in composition.
· Equilibrium can be attained from both sides, whether we start reactions by taking, H2(g) &N2(g) to get NH3 or by taking NH3(g)& decomposing it into N2(g) & H2(g).
[image: image36.png]N,(g) + 3H,(g) S 2NH;(g)




[image: image37.png]2NH;(g) S N, (g) + 3H,(g)
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[Depiction of equilibrium for the reaction      
[image: image40.png]N,(g) + 3H,(g) S 2NH;(g)



]

Consider the reaction between H2(g) & I2(g). 
[image: image41.png]H,(g) +1,(g) = 2HI(g)




· If we start with equal initial concentration of H2& I2, the reaction proceeds in the forward direction & the concentration of H2& I2 decreases while that of HI increases until all of these become constant at equilibrium.
· Similarly, if we start with HI, the reaction proceeds in the backward direction & the concentration of HI decreases while those of H2& I2 increase until all of these become constant at equilibrium.
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Laws of chemical equilibrium & equilibrium constant:
· A mixture of reactants & products in the equilibrium state is called an equilibrium mixture. For any chemical system at equilibrium, there exists a quantitative relationship between the equilibrium concentration of the reactants & products.
· Let us consider reaction between gaseous H2& I2 carried out in a sealed vessel at 731K, by doing six sets of experiments.
[image: image43.png]H,(g) +1,(g) = 2HI(g)




  1mol       1mol       2mol
· The first four experiments, with different concentrations of H2& I2 were performed in the sealed reaction vessel. It was observed that intensity of the purple colour remained constant & equilibrium is attained.
· Similarly, the last two experiments were performed in the sealed reaction vessel initially containing only HI(g).

· After sometime, it was observed that the intensity of purple colour increased & became constant & thus equilibrium was attainted from the opposite direction.
Data obtained from all six sets of experiments are given in the following table.
Initial and Equilibrium Concentrations of H2, I2, and HI[image: image44.png]Experiment Initial concentration/mol L' Equilibrium concentration/mol L
number
[H2(g)] [12(8)] [HI (@] [H2(g)] [12(9)] [HI (@]
1 2.4x10% | 1.38x 107 0 L14x10° | 012x10° | 252x10”
2 2.4x10? [ 1.68 x 107 0 0.92x10” | 0.20x10% 2.96x 107
3 2.44x10” | 1.98 x 107 0 0.77x10” | 0.31x 10" 3.34x 10"
4 2.46 x 10? | 1.76 x 10? 0 092x10” | 022x10° | 3.08x107?
5 o 0 3.04x10° | 0.345 x 10° | 0.345x10° | 2.35x 10"
6 0 0 7.58 x10% | 0.86x10% | 0.86 x 10° 5.86 x 10





· From first four  experiments, it is evident that number of moles of dihydrogen reacted = number of moles of iodine reacted = ½(number of moles of HI formed). The last two experiments reveal that [H2(g)]eq = [I2(g)]eq
· In order to establish a relationship between concentrations of the reactants & products, several combinations can be tried.

[image: image45.png][Experiments| [HI(@)]., [H:[(Q]:1
Number | 5 (@], L@, | HEkLEL,
1 1840 46.4
2 1610 47.6
3 1400 46.7
4 1520 46.9
5 1970 46.4
6 790 46.4





· In this table, it is observed that the values of [image: image47.png][HI(2ag
i, (2)og 1o



 in the second column vary considerably whereas the values of [image: image49.png][1(e)eq
N



 in the third column remain almost same.
· It can be seen that in this expression, the power of the concentration for reactants & products are actually the stoichiometry coefficient in the equation for the chemical reaction.

· Thus, for the reaction 

[image: image50.png]H,(g) +1,(g) = 2HI(g)




The equilibrium constant is written as,

[image: image51.png]K. = [HI(g)]2,/[H2(g)].q 12 ()]




Laws of chemical equilibrium or equilibrium law:

· At  a constant temperature, the product of concentrations of the reaction product raised to the respective stoichiometric coefficient in the balanced chemical equation divided by the product of concentrations raised to their individual stoichiometric co-efficients has a constant value. This is known as law of chemical equilibrium or Equilibrium law.
LECTURE-3

Law of mass action: 

(By Goldberg & Waage)

Statement: “The rate of a chemical reaction is directly proportional to the product of the product of the active masses of the reactants.”

· Active mass of a substance means the molar concentration i.e. number of moles per litre of the reacting substance. The active mass of a substance, A, is expressed either by [A] or by CA.

· To explain the law, consider a simple reaction: [image: image53.png]A — Products




· In this reaction, only a single substance undergoes the reaction & only one molecule of it is involved in the equation for the reaction. Thus rate of reaction will depend only on the concentration of A.

Mathematically, it may be expressed as:

Rate of reaction [image: image55.png]


[A] or CA
                              = K [A] or K.CA
Where [A] or CA is the molar concentration or active mass of A & K is proportionality constant known as rate constant, or velocity constant or specific reaction rate.

Similarly, for a reaction which involves two reactants A & B, A+B→Products
[image: image56.png]Rate o [A][B]or C,.Cq




[image: image57.png]= K[A][B]or KC,.Cy




For a general reaction, [image: image59.png]aA + bB + cC — Products




Rate of reaction [image: image61.png]= K C§.C3.C¢ = K[A]*[B]°[C]




· Thus, the law of mass action may be restated as: The rate of a chemical reaction at any particular time at a given temperature, is proportional to the product of the concentrations of reactants with each concentration term raised to power equal to the number of molecules of the respective reactant taking part in the reaction.

Equilibrium constant for a reversiable reaction:

The equilibrium constant for a general reaction,  [image: image63.png]aA+bB 5= cC+dD



 can be expressed as,
[image: image65.png](O
K. = GFmp



Where [A], [B], [C] & [D] are the equilibrium concentrations of the reactants & products

Examples: - 1. [image: image67.png]4NH;(g) +50,(g) S 4NO(g) + 6H,0(g)




[image: image68.png]K. = [NO]*[H,0]¢/[NH,]*[0,]°




                     2. [image: image70.png]H,(g) +1,(g) = 2HI(g)




[image: image71.png]K. = [HI]*/[H,][1,]




Equilibrium constant for reverse reaction is the inverse of the equilibrium constant for the reaction in the forward direction.
e.g.[image: image73.png]



[image: image74.png][H]lL] 1
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Similarly, for[image: image76.png]2(8) +31(2) S HI(g)





[image: image78.png]



LECTURE-4

Types of chemical equilibria:
   There are two kinds of chemical equilibria
(i) Homogeneous equilibrium:It is an equilibrium reaction in which all the reactants and products are of the same phase.
In gas phase, example:     [image: image80.png]N,(g) + 3H,(g) = 2NH;(g)




[image: image81.png]50:(8) + 305 (&) = S05(2)




In liquid phase, example: [image: image83.png]CHZCOO0H(I) + C,H;0H (1) = CH3CO0C,H;(1) + H,0(])




In solution phase, example: [image: image85.png]Fe®"(aq) + SCN Fe(SCN)**(aq)




(ii) Heterogeneous equilibrium:It is an equilibrium reaction in which all the reactants and the products are present in  two or more different phases.
Examples: [image: image87.png]2C(s) + 0,(g) = 2CO(g)




[image: image88.png]C(s) + H,0(g) = CO(g) + H,(g)





[image: image90.png]CaCO;(g) = Ca0(s) + CO,(g)





[image: image92.png]2H,(g) + 0,(g) = 2H,0(g)





[image: image94.png]Ca(OH),(s) + (aq) = Ca®* (aq) + 20H™ (aq)




Magnitude of equilibrium constant:
Magnitude of the equilibrium constant gives us a direct indication of how far the reaction has proceeded towards the formation of the products when equilibrium is reached.
K very large: Reaction proceeds far towards completion.

K ≈ I: Concentration of reactants and products are nearly the same at equilibrium.

K very small: hardly any product is formed.

Characteristics of equilibrium constant (Kc):
(i) The equilibrium constant has a definite value for every reaction at a given temperature. However, it varies with change in temperature.

(ii) The value of KC  is independent of the original concentrations of the reactants.

(iii) The value of KC is independent of the presence of the catalyst.

(iv) Equilibrium constant for the forward reaction is the inverse of the equilibrium constant for the backward reaction.
LECTURE-5

Different expressions for equilibrium constant:

KC - Equilibrium constant in terms of molar concentration.

KP - Equilibrium constant in terms of partial pressure (applicable for gaseous reactions)
KX - Equilibrium constant in terms of mole fraction
Consider the following reversible reaction, 
[image: image95.png]aA+ bB — xX + yY




[image: image97.png]


  Where CX, CY, CA& CB are the molar concentrations of X, Y, A & B respectively
[image: image99.png]


Where PX, PY, PA& PB are the partial pressures of X,Y, A & B respectively
[image: image101.png]


  Where XX, XY, XA& XB are the mole fractions of X, Y, A & B respectively

Relation between KPand KC:The ideal gas equation is written as,  
[image: image102.png]n
PV = nRT=P = “RT=CcRT (vc =
5





Where P = Pressure in Pa

             n = Number moles of the gas       

             V= volume in m3
             T = temperature in Kelvin
             C = Concentration in mole /m3

If concentration c, is in mol/L or mol/dm3, & P is in bar then p = cRT, 

We can also write p = [gas] RT, Here R = 0.0831 bar litre/mol K

At constant temperature the pressure of the gas is proportional to its concentration,i.e. [image: image104.png]P  [gas]



.

Consider the following reversible reaction,[image: image106.png]aA+ bB — xX + yY




Here,     PA = CART or [A] RT
  PB= CBRT or [B] RT
  PX= CXRT or [X] RT

  PY= CYRT or [Y] RT

We know that,[image: image108.png]FPY _ WEOTIERDT DI oy ety
~(a+b)
Ky =235t = G rm s ~ tarieF (RT)




[image: image110.png]= K, = K_(RT)*"



   Where [image: image112.png]An=(x+y)—(a+b)




                                                                                      = change in number of moles
When [image: image114.png]An >0, K, >K,




[image: image115.png]An <0, K, <K,




[image: image116.png]An

o,

K, =K,




Examples: (i) where  [image: image118.png]K, > K_Pcl;(g) S Pcl;(g) + cl,(g)




                        Here, [image: image120.png]An=(1+1)-1=18&K, > K,




     (ii) Where [image: image122.png]K, <K.N,(g) + 3H,(g) S 2NH;(g)




        Here, [image: image124.png]An=2-(1+3)=-28&K, <K,




(iii) Where [image: image126.png]K, =K.N,(g) + 0,(g) < 2NO(g)



; [image: image128.png]H,(g) +1,(g) = 2HI(g)




Here, [image: image130.png]An=2-(1+1)=0&K, =K,




Reaction Quotient (Q): It is defined as the ratio of the molar concentrations or the partial pressures of the product species to that of the reacting species at any stage of the reaction.

(a) In case, the molar concentration of the species are considered, the reaction quotient is expressed as concentration quotient (QC).
(b) In case, the partial pressures of the different species are considered, then reaction quotient is known as partial pressure quotient (QP). 
Consider a reversible reaction:
[image: image131.png]aA+bB — cC+dD




Here        [image: image133.png][ChL,
Qe = P



;      [image: image135.png]PExPd

Q, = 222%

&
5




Generally, equilibrium quotient is written as K & reaction quotient as Q.

Relation between reaction quotient (Q) and equilibrium constant (K):

Depending upon the condition of the reaction 

(i) If Q=K, then the reaction is in a state of equilibrium or the molar concentrations or partial pressures of the reactants and the products are equal.

(ii) If Q < K, then  products are  present in larger amounts than the reactants. It means that reaction has proceeded more in the forward direction. The reaction is not in the state of  equilibrium.

(iii) If Q > K, then the products are present in smaller amounts than the reactants. It means that the reaction has proceeded in the backward reaction. The reaction is also not in the state of equilibrium.

LECTURE-6

Factors influencing chemical equilibrium (Le- chatelier’s principle):  

Whenever a system in equilibrium is subjected to change of temperature, pressure or concentration, then the position of equilibrium will be displaced in that direction which tends to counteract the effect of  that change.

Effect of change of concentration:

Let us consider the following reaction,

[image: image136.png]Hyg + Iy = 2HI,




Increase in concentration of [image: image138.png]


 or [image: image140.png]


 shifts the equilibrium to the forward direction to get more and more amount of HI, i.e; increase in concentration of the reactants shifts the equilibrium to the product side.

This can also be explained in terms of the reaction quotient QC.

[image: image141.png]Qc = [HI]*/[H,][1,]




Addition of [image: image143.png]


 or [image: image145.png]


 at equilibrium results in value of QC being less than KC
Thus in order to attain equilibrium again, reaction moves in forward direction i.e. to the product side. Similarly, removal of HI at equilibrium makes Qc less than Kc. So, the equilibrium moves to the product side.

Addition of HI or removal of [image: image147.png]


 or [image: image149.png]


 at equilibrium results in value of QC being more than Kc. Thus in order to attain equilibrium again, reaction moves in the backward direction i.e.; to the reactant side.

Consider another experiment[image: image151.png]Fe®*(aq) + SCN™

"e(SCN)]** (aq)




                                                         Yellow     Colourless     deep red
[image: image152.png][Fe(SCN)* (aq)]
= [Fe™ (aI[5CN" ()]





· Suppose some potassium thiocyanate (KCNS) capable of giving SCN- ions or some FeCl3capable of giving Fe3+ions, is added to the above system in equilibrium. 
· As already discussed, the concentration of FeSCN2+ions increases as indicated by darkening of the red colour. In other words, the equilibrium shifts towards forward direction. 
· Similarly, when the concentration of Fe3+ion is decreased by adding NaF, the concentration of FeSCN2+ ion decreases as indicated by the decrease in the intensity of red colour. In other words, the equilibrium shifts towards backward direction.  
· Thus, increase in concentration of either Fe3+ and SCN- ion (reactants) pushes the equilibrium in the forward direction and decrease in concentration of Fe3+ ions pushes the equilibrium in backward direction so as to counteract the effect of  the change in concentration of SCN- orFe3+ ion. This is in accordance with Le-chatelier’s principle.
· Now suppose the concentration of Fe(SCN)2+ ion is increased by adding a small amount of aq. HgCl2 which forms a stable complex ion [Hg(SCN)4]2- or by adding a small amount of potassium ferrosulphocyanide capable of giving FeSCN2+ ion. 
· Then, also the equilibrium shifts in the backward direction as indicated by decrease in intensity of red colour due to conversion of red coloured FeSCN2+ ions to Fe3+& SCN- ions.  
Effect of change of pressure: 

Change of pressure will have no effect on the state of the equilibrium if:

1. System does not involve gaseous components.

2.  Number of moles of gaseous reactants is equal to the number of moles of gaseous products.

· Pressure will alter the state of the equilibrium if the gaseous moles of the reactants  products are different. 
· On increasing pressure, the volume decreases. Hence, the molar concentration increases.To undo this change, the reaction which produces lesser no. of moles of gaseous substances will be accelerated.
Consider the reaction, [image: image154.png]= 2NHyy
Ny + 3Hy




· The forward reaction involves a decrease in number of moles. Hence, it is favoured at high pressure. In other words, increase in pressure or high pressure shifts the equilibrium to the product side. Similarly, the backward reaction involves an increase in number of moles. Hence, it is favoured at low pressure. In other words, decrease in pressure or  low pressure shifts the equilibrium to the reactant side.
LECTURE-7

Effect of Temperature on Equilibrium:
A reversible reaction involves two opposing reactions. If one of them is exothermic, the other must be endothermic. Now, suppose, a system in equilibrium is heated, so that its temperature rises. According to Le- chatelier’s principle, equilibrium will shift in that direction in which heat is absorbed i.e. the endothermic direction of the process. On the other hand, a decrease in temperature or low temperature favours the exothermic direction of the process. In other words, exothermic reaction is favoured at low temperature & endothermic reaction is favoured at high temperature.

     Consider the following reaction,     [image: image156.png]‘Exothermic
N,(g) + 3Hy(g) S  2NH,(g) +92.0K]
endothermic




Here the forward reaction is exothermic & the backward reaction is endothermic. So the forward reaction is favoured at low temperature & the backward reaction is favoured at high temperature.

Let us consider another experiment by taking [image: image158.png]NO,



gas which dimerises to[image: image160.png]N,0,



.
[image: image161.png]2NO,(,) = Ny04(y:AH = —57.2K]/mol

brown colour  colourlass




Take two identical flasks A & B with equal amounts of [image: image163.png]


. Seal both the flasks. Place the flask A in an ice bath and the flask B in boiling water.

After sometime, the gas in the flask A (placed in ice bath) becomes almost colourless, while the gas in flask B (placed in boiling water) has reddish brown colour, clearly, the colourless gas is [image: image165.png]N, O,



 while brown colour gas is [image: image167.png]NO,



.

Now transfer both the flasks into a water bath ( [image: image169.png]25°%



). The colour of the gas in flask A starts changing into brown colour indicating the gradual conversion of [image: image171.png]N,0,



 into[image: image173.png]


. On the other hand, the reddish brown colour in  flask B begins to fade &becomes light brown indicating the gradual conversion of [image: image175.png]NO,



to [image: image177.png]N,0,



. After sometime, when both the flasks attain the temperature of water bath, the colour in the two flasks become identical and no further change in colour takes place. This constancy of colour indicates that the equilibrium has been attained in both cases and both the flasks contain mixture of [image: image179.png]N,0,



 and [image: image181.png]NO,



 of the same composition. If the two flasks are now removed from water bath and flask A is placed again in ice bath & flask B in boiling water, the intensity of colour in flak A decreases while that of B increases. It is due to the fact that at low temperature [image: image183.png]N,0,



 is favoured which is a colourless gas and at higher temperature [image: image185.png]NO,



 is favoured which is a brown gas.

Effect of addition of an inert gas: 

If an inert gas like He, Ne, etc. is added to a system at equilibrium at constant volume, then the total pressure increases. However, there will be no change in the position of equilibrium; even though the pressure is changed. This is because the concentrations of the reactants and the products i.e.; the ratio of their moles to the volume of the container will not change. 

     But when a gas is added to a system at equilibrium at constant pressure, volume of the system increases. This result in the decreases in number of moles of gases per unit volume. Hence, the equilibrium shifts in a direction in which there is increase in the number of moles of gases.

Effect of catalyst on equilibrium: 

If a catalyst is introduced into a system at equilibrium, there is no change in the state of equilibrium. This is because; a catalyst increases the rate of both forward and backward reaction the same extent. It simply helps in the early attainment of equilibrium state. It lowers the activation energy for both the forward and backward reactions by exactly the same amount. Optimum conditions of temperature and pressure for the synthesis of [image: image187.png]NH;



(Haber’s Synthesis) using Fe as catalyst are around [image: image189.png]500°¢



 and 200 atm.

Similarly in manufacture of [image: image191.png]H,S0,



 by contact process,

[image: image192.png].7 10%¢

= 2805¢; K, =
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Practically the oxidation of [image: image194.png]S0,



 to [image: image196.png]503



 is very slow. Thus to increase the rate of reaction, Pt or [image: image198.png]V,05



 is used as catalyst.
LECTURE-8
Ionic equilibrium: Arrhenius & Bronsted Lowry concepts of Acids & Bases:
 Arrhenius concept:- 
An acid may be defined as any substance which in aqueous solutions gives H+ ions.
Examples: HCl, HNO3, H2SO4, CH3COOH, HCN etc.
[image: image199.png]Hcl(g) + aq




[image: image200.png]HNO, (1) + aqg 5 H(aq) + NO; (aq)




[image: image201.png]H,S0, (1) + aqg S 2H*(aq) + S0~ (aq)




[image: image202.png]H¥(ac
1q) + CN ™|
(aq)




A base may be defined as any substance which in aqueous solution gives OH- ions.
Examples:     NaOH, KOH, Ba(OH)2, Mg(OH)2, etc.
[image: image203.png]NaOH(s) + aq = Na*(aq) + OH (aq)




[image: image204.png]K*(aq)

+ OH™ (
‘ac
q)




[image: image205.png]Ba(OH),(s) + aq = Ba*(aq) + 20H (aq)




Limitations:
(i) Nature of H+ ion: According to Arrhenius, an acid releases H+ ions in aqueous medium. However, it has been found that H+ ion is a proton which cannot exist independently. Thus, the proton (H+) is very tightly bound to water molecules to give trigonal pyramidal hydronium ion(H3O+)
[image: image206.png]Hcl + H,0 < H307(aq) + cl™(aq)




(ii) Limited scope: Arrhenius concept is limited to aqueous medium only. It fails to explain the acidic or basic behaviour of substances in solvents other than water such as alcohol, liquid ammonia.
(iii) Fails to explain the acidic or basic character of certain other substances: CO2, SO2, etc. are acidic in nature whereas oxides of metal such as CaO, MgO etc. are basic. This theory does not explain it. The basic character of NH3 is also not explained by this concept.
Bronsted-Lowry concept:

· Acid is a substance (molecular or ion) which has a tendency to donate a proton to any other substance.
· A base is a substance (molecule or ion) which has a tendency to accept a proton from any other substance.
· In short, acids are proton donors, & bases are proton acceptors. In fact, acid-base reaction involves transference of proton. That is why, this concept is also called proton transfer theory of acids & bases.
Examples: Molecular acids: HF, HCl, HNO3, H2SO4, H2S etc.
Ionic acids: H3O+, NH4+, HSO4-, HCO3- etc.

· A single substance cannot donate a proton unless & until some other substance which accepts the proton is also present. This proton transfer may or may not involve any medium, e.g. the reaction does not involve any medium.
[image: image207.png]NH; + Hel — NH +cl”




· Here, HCl has donated a proton to NH3. Hence, HCl is an acid with respect to NH3, which is a base. Other examples of acid-base reactions:
[image: image208.png]NH; + H,0 < NH; + OH™




Base       Acid      
[image: image209.png]CH;COOH + NH; < CH;C00™ + NH;




                                        Acid        Base
[image: image210.png]Hcl + H,0 S H,0% +cl”




                          Acid    Base
[image: image211.png]H,SO, + H,0 < H,0™ + HSO;




                                Acid    Base
· It is observed that water is an acid with respect to NH3 whereas it is a base with respect to HCl or H2SO4. Such substances like H2O, HCO3-, HSO4-, etc. which can act as acids (proton donor) as well as base (proton acceptor) are called amphoteric or amphiprotic substances.

Conjugate Acid-Base pairs:

· When an acid loses a proton, the residual part of it will have a tendency to accept a proton. Thus, it will behave as a base. Such pairs of substances which differ from one another by a proton are known as conjugate acid-base pairs.
Consider the reaction between HCl & H2O
[image: image212.png]Hcl + H,0 S H,0% +cl”




Acid-1    Base-2   Acid-2   Base-1
· It is clear that HCl loses a proton & forms Cl- ion (which is a base). HCl & Cl- are called conjugate acid-base pair. Similarly, H2O (base) accepts a proton & forms H3O+(acid). Here, H2O & H3O+ are also conjugate base-acid pair.
· Arrhenius acids are also Bronsted acids, but reverse may not be true. E.g., NH4+ ion is an acid according to Bronsted theory but not so according to Arrhenius. All Bronsted bases are not Arrhenius bases.
Limitations of Bronsted-Lowry theory:
(i) It fails to explain the reaction between acidic oxides such as CO2, SO2, NO2& basic oxides such as CaO, BaO, MgO, etc.

(ii) It fails to explain the acidic character of AlCl3, FeCl3, BF3, etc.
LECTURE-9

Lewis concept & limitations:

· According to Lewis, an acid is a substance (molecule or ion) which can accept a pair of electrons to form a co-ordinate (dative) bond. A base is a substance (molecule or ion) which can donate a pair of electrons to form a co-ordinate (dative) bond.
· In short, acids are electron pair acceptors & bases are electron pair donors. An acid-base reaction is the sharing of an electron pair between an acid & a base.
Examples: Lewis acids:
(i) Neutral molecules such as BF3, AlCl3, etc. in which the central atom has incomplete octet.

(ii) Simple cations such as Fe3+, Ag+, H+ since they are electron deficient.
(iii) Molecules like O=C=O in which atoms of dissimilar electronegativities are joined by multiple bonds.

(iv) Molecules like SiF4, SnCl4, etc. in which the central atom has available empty d-orbitals & may acquire more than 8 valence electrons. 
Acid-Base reactions according to Lewis Concept:

Acid-Base neutralisation reactions involve the sharing of an electron pair of a base by an acid to form a co-ordinate bond as shown; 
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Limitations of Lewis concept:
(i) It fails to explain the acidic character of common acids like HCl, HNO3, etc. which do not involve co-ordinate bond formation.

(ii) Acid-base reactions are fast but coordinate bonds are formed relatively slowly. Thus, it does not fit in the acid-base concept.

(iii) By Lewis concept, the relative strengths of acids & bases cannot be compared.
Ionisation of acids & bases:

Strong acids: Acids which dissociate almost completely in aqueous solutions thus producing a large number of H+ ions are called strong acids.

Examples: HCl, H2SO4, HNO3, HClO4 etc.

Weak acids: Acids which dissociates to a small extent at ordinary dilution to give low concentrations of H+ ion or H3O+ ion are called weak acids.
Examples: HCN, HF, CH3COOH, (COOH)2 etc.
The relative strength of weak acids can be easily compared in terms of their dissociation constants. In case of weak acid HA, the dissociation may be represented as:

[image: image214.png]HA + H,0 S H;0" + A”




Initial concentration                            C                      0          0
Concentration at equilibrium         C (1-[image: image216.png]


)                   [image: image218.png]CxCu




Applying law of chemical equilibrium, we have

[image: image219.png][H507][A]
~ THAI[H.0]





Since water used as a solvent is present in excess, its concentration practically remains constant (say K)
[image: image220.png]FKXK=K, =

[H;07][A7]
[HA]




[image: image221.png]_CaXCy _ C&
~1—o)c  1-o






Where Ka is another constant called dissociation constant of acid
For example dissociation constant of acetic acid may be represented as follows:

[image: image222.png]CH;COOH + H,0 < CH;C00™ + H;07




[image: image224.png][eH,co0TlH; 0] _ Ca
[cH;cooH] 1




                   (Here[image: image226.png]<< 1



)

[image: image227.png]



[image: image229.png]


&[image: image231.png][H;07] = C,




Greater the value of Ka, greater is the degree of dissociation of the acid & therefore stronger the acid. The strength of acid increases with dilution.
Strong bases: Bases which dissociate almost completely in aqueous solutions at ordinary dilutions are called strong bases. Ex: NaOH, KOH etc.

Weak bases: Bases which dissociate to a small extent in aqueous solutions, at ordinary dilutions, are called weak bases. Ex: NH4OH, AgOH etc.  

The relative strength of weak bases can also be easily compared in terms of their dissociation constants as in weak acids.

e.g.;
                                             [image: image232.png]MOH < M* + OH™




    At equilibrium,             C (1- [image: image234.png]) C,Cy




                 Similarly,  Kb=Cα2/1-α
Where Kb is the dissociation constant of base

 Greater the value of Kb, greater is the degree of dissociation of the base & therefore stronger the base. The strength of bases increases with dilution.
Di-& polybasic acids & di-& polyacid bases:
· There are many acids like oxalic acids, carbonic acid, sulphuric acid & phosphoric acid which contain more than one ionisable hydrogen. They have the ability to donate their protons successively. Such acids are called polybasic or polyprotic acids. E.g. phosphoric acid dissociates in the following three successive steps: 
[image: image236.png]H;PO, S H;07 + HPO;



         (1st stage)
[image: image238.png])2—
H,PO; S H;07 + HPOY



       (2nd stage)

[image: image240.png]H;PO;” S H;07 + POS™



         (3rd stage)

Here, Ka3< Ka2< Ka1     where Ka1, Ka2  & Ka3are  the dissociation constants in the 1st, 2nd& 3rd stage of dissociation of acid.
The net equilibrium is expressed as:   [image: image242.png]H;PO, +3H,0 < 3H;07 + PO~



& overall dissociation constant is obtained as ,Ka=Ka1 x Ka2 x Ka3
Similarly polyacid bases also ionize in steps.Suppose the polyacid base ionizes in 3 steps,so the overall dissociation constant is obtained as,
 [image: image244.png]


  where [image: image246.png]Ky,
Ky
Ky,



 are the dissociation constant in the 1st, 2nd& 3rd stage of dissociation of the base.
Ionisation of water: Pure water is a weak electrolyte. It has a very low electrical conductivity.
[image: image247.png]



Or [image: image249.png]2H,0(1) S H;07(aq) + OH™ (aq)




Applying the law of chemical equilibrium, 
[image: image250.png]Ly RichiElLul
J[OH]
H !
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Since the degree of dissociationof water is extremely small,   [image: image252.png][H,0]



 can be taken as constant
Where Ki is the dissociation constant of water.
[image: image253.png]



                                                        Or [image: image255.png]K; X constant = [H¥][OH]




                                                        Or [image: image257.png]K, =[HF][OH™]



        (where[image: image259.png]K,, = K; X constant



)
Where Kw is another constant called ionic product of water

Value of Kw remains constant as long as the temperature is constant. At [image: image261.png]25°¢



, the value of Kwis 1x10-14 (moles/litre)2
At room temperature, i.e. at 298K,      [image: image263.png]K,=[HF][OH ]=1x10"*





For a neutral solution, [H+] = [OH-] = [image: image265.png]1x1077



 moles/litre
For an acidic solution, [image: image267.png]



For an alkaline solution,  [image: image269.png]



The value of Kw increases with increase in temperature.
LECTURE-10

pH Scale:To represent hydrogen ion concentration, Sorenson devised a scale known as PH-scale where p stands for power.
PH of the solution is defined as negative logarithm of its H+ ion concentration.

[image: image270.png]



Thus, pH is the logarithm of the reciprocal of hydrogen ion concentration. 

Similarly, POH = -log [OH-];   [image: image272.png]pK,, = —logk,,




We know that,     [image: image274.png][H7]
J[OH™]
1=1x107"
1



  at 298K

Taking logarithm of both sides, we get [image: image276.png]



[image: image277.png]= log[H™] + log[OH™] =

14log10 = —14 (~logl0 = 1)




Reversing the sign,  [image: image279.png]—log[H] + {—log[OH ]} = 14




[image: image280.png]= pH + POH = 14




The pH values in the pH scale ranges from 0 to 14.

[image: image281.png]



When [H+] = 10-7 or pH = 7, the solution is neutral
When[H+]> 10-7 or pH < 7, the solution is acidic

When[H+]< 10-7 or pH > 7, the solution is basic

Effect of temperature on pH:We know that ionic product of water (Kw) increases with the rise of temperature. Therefore concentrations of H+ ions increase with temperature. As pH is inversely proportional to [H+], hence pH decreases with the rise of temperature.
Applications of pH value :
(i) pH has a great importance in agricultural soil is often tested to determine whether acidic or basic fertilizers are required for a particular crop.

(ii) In biochemical reactions such as digestion of food. Human blood has pH 7.4. If there is a change by 0.2units, death results.
(iii) Large number of qualitative & quantitative analysis are carried out at definite pH values.
(iv) Food preservation also needs a definite pH value.
Measurement of pH:
· The pH of a solution can be determined roughly with the help of a pH paper that has different colours in solutions of different pH. These days, pH paper is available with four strips & different strips have different colours at the same pH.
Using pH paper, the pH can be determined in the range of 1-14 with an accuracy of 0.5.However pH can be determined with an accuracy of 0.001 using a pH meter. pH meters of the size of a writing pen are now available in the market.
Numericals
Q.1. The concentration of hydrogen ion in a sample of soft drink is [image: image283.png]


, what is its pH?

Ans. Given, [image: image285.png][H*]=3.8x107°M




[image: image286.png]~» pH=—log[H"] = —log[3.8 X 107°] = —(0.58 — 3) =

0.58 = 2.42





Hence, pH of soft drink is 2.42 & it is acidic in nature.
Q.2. 2.45gm of H2SO4 is present in 250ml of the solution. Calculate the pH value of the solution.
Ans. (i) To find the strength of H2SO4
            250ml of solution contains H2SO4 = 2.45gm

           1000ml of solution contains H2SO4 =  [image: image288.png]X 1000 =
250





           Molecular mass of H2SO4 = 98g/mol 

[image: image290.png]


 Molarity of H2SO4 solution = 9.8/98 = 0.1M

(ii)  Calculation of pH
[image: image291.png]H,50,(aq) S 2H™ (aq) +S0Z™ (aq)




[image: image292.png][H']=2x0.1M





[image: image293.png]—log[H™]





[image: image294.png]= —(log2 +1og0.1)




[image: image295.png]= 0.6990




LECTURE-11

Buffer solutions:A solution whose pH value does not change appreciably upon the addition of small amounts of acids, bases & water from outside is called a buffer solution.
Types of Buffers:There are two types of buffers:
(i) Acidic buffers: It is an equimolar mixture of a weak acid & its salt with a strong base.

E.g. a mixture of 1 mole each of CH3COOH & CH3COONa having pH around 4.75

(ii) Basic buffers: It is an equimolar mixture of a weak base & its salt with a strong acid 

E.g. a mixture of 1 mole each of NH4OH & NH4Cl having pH around 9.25

Hydrolysis of salts: 

Hydrolysis may be defined as the interaction of ions  of a salt with oppositely charged ions of water to give acidic or basic solution. The pH of the solution gets affected by this interaction.
Types of Hydrolysis: 

(i) Salts of strong acid & strong base e.g. NaCl

(ii) Salts of weak acid & strong base e.g. CH3COONa

(iii) Salts of strong acid & weak base e.g. NH4Cl
(iv) Salts of weak acid & weak base e.g. CH3COONH4
Let us consider salt of a strong acid & strong base, e.g. NaCl which dissociates completely on dissolution in water. 

H2O is a weak electrolyte which dissociates to a small extent 

[image: image296.png]Nacl - Na™ +cl”




[image: image297.png]H,0 S H' + OH~




[image: image298.png]‘ondissociation

H* +O0H™ +Na® + " —————Na® +cl” +H,0




· Neither Na+ ion nor Cl- ion combine with OH- ions or H+ ions. In this way, [H+] & [OH-] remain equal. Such salts form neutral solutions & pH of solution is 7. Both NaOH & HCl, if formed will dissociate completely because they are strong electrolytes. Thus, salts of strong acids & bases do not get hydrolysed.

· Salts of weak acids & strong bases:-

Consider the hydrolysis of CH3COONa in H2O. The hydrolysis is represented as 
[image: image299.png]CH;CO0™ + Na™ + H,0 < CH;COOH + OH™ + Na®




[image: image300.png]CH;CO0~ + H,0 < CH;COOH + OH™




Unhydrolysed salt       free acid       free base
CH3COONa dissociates fully to form CH3COO-and Na+ ions. Water ionises slightly. The H+ ions  of water attack the weak part of the salt i, e;[image: image302.png]CH,C00™



  to form CH3COOH  , which is partially ionized. As H+ ions are taken up, more of water ionises to maintain the constant value of Kw. Due to this the concentration of OH- ions in solution becomes more than the concentration of H+ ions. Therefore, such a solution will be basic.
Here pH = [image: image305.png]%pK.,, +pK, + logc



 
· Salts of weak base and strong acid:   Consider the hydrolysis of [image: image307.png]NH,Cl



 in [image: image309.png]



The hydrolysis is represented as: 

[image: image310.png]NH; + CI” + H,0 = NH,OH + H” +CI~




                             Or[image: image312.png]NHJ + H,0 = NH,OH + H




[image: image314.png]NH,Cl



 dissociates fully to form [image: image316.png]NHJ



 and [image: image318.png]cr-



 ions. Water ionises slightly. The [image: image320.png]OH™



 ions of water attack the weak part of the salt i, e; [image: image322.png]NHJ



 to form [image: image324.png]NH,OH



 which is partially ionized.
As OH- ions are taken up, more of water ionises to maintain the constant value of Kw. Due to this, the [H+] in solution becomes more than [OH-]. Therefore such a solution will be acidic.
Here, [image: image326.png]pH = 1/2(PK,, — PK — logc)




· Salts of weak acids and weak bases:

Consider the hydrolysis of CH3COONH4 in H2O

CH3COO-     +    NH4+ + H2O [image: image328.png]


CH3COOH + NH4OH

Unhydrolysed   Unhydrolysed      Free
Free

Salt

Salt

      acid
base

· Both the CH3COO-& NH4+ ions being weak are attacked by H+& OH- ions of water to form CH3COOH & NH4OH which are partially ionised.

· The acidic or the basic nature of such a salt depends upon the Ka& Kb values of CH3COOH & NH4OH. Since here Ka[image: image330.png]


Kb, the aqueous solution of CH3COONH4 is neutral.

Here, pH = 
[image: image331.wmf]1

2

[image: image333.png](PK,, + PK, — PKy)





   = 7 + 
[image: image334.wmf]1

2

[image: image336.png](PK, — PKy)



at 298k
Common ion effect:-
· Weak electrolytes dissociate to a very small extent. However, if the solution of a strong electrolyte is mixed with that of the weak electrolyte having a common ion, the degree of dissociation of both electrolytes is suppressed.

· The suppression of the degree of ionisation of a weak electrolyte by the addition of a strong electrolyte having an ion common with the weak electrolyte is known as common ion effect.

Let us consider a weak electrolyte (say NH4OH) which dissociates as follows:

NH4OH (aq) [image: image338.png]


NH4+(aq) + OH-(aq)

When a strong electrolyte (say NH4Cl)is added having a common ion (NH4+) 

NH4Cl (aq) [image: image340.png]


 NH4+(aq) + Cl-(aq)

· Due to increase in the concentration of common ion NH4+, the equilibrium shifts to the left according to Le-Chatelier’s priciple. Thus, dissociation of NH4OH is suppressed.

Applications of common ion effect:-

(i) Recovery of pure NaCl from sea water:

· The crude salt obtained by the evaporation of sea water contains chiefly NaCl contaminated with  impurities like CaCl2, MgCl2, KBr etc.
· In order to recover pure NaCl from it, NaCl is again dissolved in water to form a concentrated solution. Then HCl gas is passed through it. All impurities remain in solution & pure NaCl is precipitated down, & purified by recrystallization.

(ii) Salting out of soap:-
· Soap is a sodium salt of higher fatty acid like stearic acid, oleic acid etc. It is prepared by the action of NaOH on a fatty oil which contains glycerides of any of the two acids. Soap is further separated from the reaction mixture by salting out process. In this process crude soap is boiled with water & NaCl is added in small amounts with stirring. The pure soap is separated because of the common ion effect.

C17H35COONa[image: image342.png]


C17H35COO- + Na+
NaCl 
[image: image343.wmf]®

 Na+ + Cl-
LECTURE-12

Solubility Product:
Substances like AgCl, PbSO4, BaSO4, etc. which dissolve in water to an extremely small extent are known as sparingly soluble salt. In these salts, even the saturated solutions are very dilute. Hence these salts are completely ionised even in their saturated solutions & there exists an equilibrium between the undissolved salt & its ions, e.g., incase of saturated solution of AgCl, there exists an equilibrium between undissolved AgCl & its ion.

Agcl(s) [image: image345.png]


Ag++Cl-
Applying the law of Chemical equilibrium, we have

Kc = 
[image: image346.wmf]+-

(s)

[Ag][Cl]

[Agcl]


Or, Kc x [AgCl(s)] = [Ag+] [Cl-]

Or, Kc constant = [Ag+] [Cl-]    (
[image: image347.wmf]\

 Concentration of a solid is constant)

Or, [image: image349.png]K., = [Ag7][cl]




where Ksp is another constant called solubility product. The expression [Ag+] [Cl-] is known as the ionic product.

Let us now consider the general case of a sparingly soluble salt, say AxBy. When this salt is dissolved in water to get a saturated solution at a particular temperature, the following equilibrium is established.


Ax By(s) [image: image351.png]


xAy+ + yBx-
The solubility product for this equilibrium is given as : Ksp = [Ay+]x [Bx-]y
Where Ay+& Bx- denote the positive & negative ions respectively & x & y represent the number of these ions in the formula of the electrolyte.

Therefore, solubility product of a salt at a given temperature may be defined as:
The product of molar concentrations of the ions (formed in the saturated solution at a given temperature) raised to the power equal to the number of times each ion occurs in the equation for solubility equilibrium.

Solubility product varies with temperature.

Salts
Ksp expression

BaSO4
Ksp = [Ba2+] [SO42-]

PbI2
Ksp = [Pb2+] [I-]2

Ag2CrO4
Ksp = [Ag+]2 [CrO42-]

Mg(OH)2
Ksp = [Mg2+] [OH-]2

Fe(OH)3
Ksp = [Fe3+] [OH-]3

Difference between solubility & solubility product:

(i) The term solubility is applicable to all solutes whereas the solubility product is only significant in case of electrolytes.

(ii) The solubility product has a constant value at a given temperature whereas solubility of an electrolyte can be decreased by the addition of common ion.

Relationship between solubility & solubility product:

Let us suppose that the solubility of a sparingly soluble salt AxBy is S moles/litre, then we have

Ax By   [image: image352.png]


  xAy+ + yBx-

s moles        xs moles    ys moles
us, [Ay+] = xs & [Bx-] = ys


[image: image353.wmf]\

 Ksp = [Ay+]x [Bx-]y = (xs)x (ys)y
             = xx . sx . yy . sy

[image: image354.wmf]Þ

Ksp = xx . yy . sx+y
[image: image355.wmf]Þ

 sx+y = 
[image: image356.wmf]sp

xy

K
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Or,  [image: image358.png]= (f=)™




e.g., Ag2CrO4[image: image360.png]


2Ag++ CrO42-; x=2, y=1


[image: image361.wmf]\

 Ksp = 22 . 11 . S2+1 = 4s3
Depending upon the values of ionic product, the solutions can be classified into 3 different categories as follows:

(i) If ionic product = Ksp, the solution is just saturated & no precipitation takes place.

(ii) If ionic product > Ksp, the solution is super saturated & precipitation takes place.

(iii) If ionic product < Ksp, the solution is unsaturated & more of the solute can dissolve & hence no precipitation occurs.

Applications of solubility product:-
(i) Calculation of solubility of sparingly soluble salts.
(ii) Predicting ionic reactions.

(iii) Qualitative analysis.
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