Ionic Equilibria:

Strong, moderate and weak electrolytes, degree of ionization, factors affecting degree of
ionization, ionization constant and ionic product of water. Ionization of weak acids and bases,
pH scale, common ion effect. Salt hydrolysis-calculation of hydrolysis constant, degree of
hydrolysis and pH for different salts. Buffer solutions. Solubility and solubility product of

sparingly soluble salts — applications of solubility product principle.
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DISSOCIATION OF WEAK ACIDS AND BASES
Dissociation of a Weak Acid. Cuulder the dlsw:mtm of a M mmubasw m:ld Hﬁ. in water,

represented by the equation
HA + H;0 .r—_\. H;O™ + A-
Applying the law of chemical equilibrium, the equilibrium constant K, is given by the expression
. N
~ [HA[H,0]

The square brackets, as usual, represent concentrations in moles per litre of the entities enclosed
therein. _

Since water is present in large excess in dilute solutions, its concentration may be taken as
constant, say, k. Further, since the symbol H;0™ simply indicates that hydrogen ion is hydrated, it
may be replaced by H*, for simplicity. The above equation may then be put as

. [Hi-]'[ﬁ ] . B - - . . {ﬁ}
K= [HA]x k -
assuming that the activity coefficients of the species involved are equal to unity each.

Since the product of the two constants K, and k is equal to another constant, say, K,, Eq. 6
may be written as

Ky = [HT][AT]/[HA] . (T}

The sigmﬁcau.ce of Eq. 7 is that the product of the concentrations of the hydrogen ion and the
anion, irrespective of their source (i.e., whether furnished by the acid itself or by any other substance
present in the solution) divided by the concentration of the undissociated acid, is equal to a constant,
This constant (K,) is characteristic of the acid concerned and is known as. the dissoclation constant
of the acid. This varies only with temperature, like other equilibrium constants.

If the dissociation of the acid is represented in accordance with Arrhenius concept, Le., as

. CHA = H+A .
_ the same expression as above for the dissociation mm of the acid will be ablalned Therefure for
simplicity, Arrhenius concept may be adopted.

Relative Strengths of Weak Acids. Eq. 7 for the dissociation constant of a weak acid can also
be expressed in terms of the degree of dissociation (o) and the total molar concentration (c) of the
acid. Consider, for example, the dissociation of acetic acid, represented below : .

. - CH;COOH = H* + CH;CM_

Original concs. : ¢ - {1 o0 -

Eqbm. concs. : ol - a) o o )
¥ 2
K, = [H" [CH;C00~ ] coxea _ co 8

[CH,COO0H]) T dl-a) l-a
Since for weak acids, a is very small, 1- umthﬂdummlmxmmybewkeuasl The above

expressrum therefore, reduces to - _
K,-‘m', or a=[K,lc A9
For two weak acids of dissociation-constants K, and K,y at the same concentration <, it follows

from Eg. 9 that |
oy = VK, fo' . : 2 ..(10)

where o and o, are the respective degrees ufdmmﬂmaflﬁn two acids.



But, degree of dissociation of an acid is a measure of its capacity to furnish hydrogen ions and
" hence a measure of its strength.

Strenéthufui:;ac'lﬁ, HA, = Ky ._
Strength of another acid, HA, K,, | Y
4. The dissociation coustants of formic and acetic acids are 1-77x 10 and 1-75x 10°%, respectively.
Calcalate the relative strengths of the two acids.
Solution : According 1o Eq. 11, '

Strength of formic acid K, formic acd _ L-71x10
Strength of acetic acid | K,aceticacid Y7510~

Thus, formic acid is 3-18 times stronger than acetic acid.
The dissociation constants of weak acids can be determined by using Eq. 9 since a, the degree of
dissuci_n_ﬁn_n, can be obtained from mudummc measurements, as shown in_f:hapter 22, by using the

expression : o = Ana’ﬁ:‘.'

Eq. 9 can also be used for calculating hydrogen jon concentrations of aqueous solutions of acids
" whose dissociation constants are known. Accordingly,

Y = o = K, lc = JeK, - A12)

= 318

e

, DluodalloaofaWukBae.R:pruendnglhefamhofaweakmonoacidbascsBOH its
dmoctnnn.inaccordamewimAnhmhscmpt.mybymmcdbytheeqmﬁou
BOH = B'+OH
Applmuwequﬂbﬁmlawequummcdbxwmxhofmebax.wmugivmby
K, = 1B")OH] {13)
[BOH].

assuming that the activity coefficieats of various species involved are equal to unity each.

If the initial conceatration of the base is ¢ moles per litre and if a is the degree of dissociation, then,

- BOH = B* + OH
Original concs. : € 0 0
Eﬂh—:m dal - a) . a | m
g, = Bx& ca’ l
- -0 -9
Since, for a weak base, a is very small as compared to 1, Eq. 14, as before, is reduced to
- Ky = oo oo a=J[Kl

[OH]} = ca = ¢ [K,Tc = [c&, : .(15)



L 1 1 J
- Dissociation of Water. Water is dissociated to a very small extent inta hydrogen and hydm:yl
hu. as represented by the equation
HO (M &= H'ag+ . onr (dg)

More accurately, MO () = H0*(ag) + OH" (ag)
Applying the law of chemical oquilibﬂt:m. its dissociation constant, K, is given hy .
[H']J(OH"] :
K=—-—— ..(16)
- [H0]

Slme dissociation takes place to a very small extent, the concentration uf th: undissociated
imr molecules, [H,0], may bé regarded as constant, say k.

& Kxk = [H*)[OH"] W17
The product of the two constants K and k gives another constant which is designated by K.
Henne Eq. 17 Is written as
K, = [H*][OH"] = 10 x 10°" mol® dm™® at 25°C .1.{_13]
where K, the dissociation constant, is called the lonic product of water.

Since in pure water, the concentration of hydrogen and hydroxyl ions must be equal to one
another, hence

(H*] = [OH] = J&, = /110 mot*dm™® = 1x107 mol dm"?



strong acid, like hydrochloric acid, is added to water, the concentration of H* ions will
igh and, therefore, the concentration of OH" jons will correspondingly decrease so that
the product of ir concentrations remains constant. Similarly, if a strong base, like sodium hydroxide,
is added to water, the concentration of OH- ions will become very large and, therefore, that of H*
ions will correspondingly become very small.
pH Scale

It should be clear from the above discussion that every aqueous solution, whether acidic, alkaline
or neutral, contains both H* and OH" ions. The product of their concentrations is always constant,
equal to 1x 107! at 25°C. Whether the solution is acidic or alkaline depends upon which of the two
mtmmmmm&m.mmmmecmimofomof
these ions, that of the other can be calculated, it is convenient to express acidity or alkalinity of a
solution by referring to the concentration of hydrogen ions only. Now, H* ion concentration can
vary within wide limits, usually from about 1 mole per litre (as in 1 M HC!) to about 10~** mole per
litre (as in | M NaOH). The pH scale was introduced by the Danish biochemist S.P. Sdremsen
. (1868-1939) in 1909. As defined by him, the pH of a solution is the negative logarithm (to the base
10) of the concentration (in moles per litre) of hydrogen ions which it contains.

Thus, - pH = - log [H*] = -log [H;0*] : (19)

The pH of 1M HCI solution in which [H*] = | mol dm, will be zero. In IM NaOH solution,
the [OH"] = 1 mol dm™ and hence [H*] will be 10" mol dm™>. The pH of 1 M NaOH solution
will thus be 14. Obviously, the scale of pH would be from 0 to 14.

&-*1.0dauemnammmuqmmmum,mu—mm
dissociation in each case. :

Solution : () Concentration of HCl = 0-0001 M

Since HC is completely dissociated, hence

(H*] = 0-0001 mol dm™

A = - log [H*] ="~ log [0-0001) = 4

@ Concentration of HNOy = 004 M * o

Since HNO, is completely dissociated, hence

(H*] = 004 mol dm™

5 P = - log [H*] = - log [0-04] = 1-398 A -

Example 8. Calculate the hydrogen ion concentration in moles per litre of a solution whose pH is 5+4.

Solution : pH of the solution = 54 I

; A ="~ log [H*]
or log [H*] = - 54 = 6-600
: [H*] = 3-98x10¢ mol dm™

9. Calculate the pH of an aqueous solution obtained by mixing 50 ml of 0-2 M HCI with 50 ml

i
3
&

Example
01 M NaOH.

w:muumamummmammumam«u
acid or the base, we have -
Number of millimoles of the acid in the solution = S0x02 = 10

Number of millimoles of the alkali in the sokition = S0X0-1 = 5
Number of millimoles of the acid left in the solution afer the addition of alkali “10-5=5
$ Total volume of the solution = 50+50 = 100 ml
Tous, we have § millimoles of the acid in 100 mi of the solution or 0-05 mole of the acid per litre of the solution.
». Concentration of H* ions = 0-05 mol dm? &
PH of the solution = - log [H*] = - log (005) = 130



Common fon Effect. If a salt of a weak acid is added to. a solution of -the .acid itself, the
dissociation of ‘the acid is diminished further: For example, the addition -of sodium. acetate to a
solution of acetic acid suppresses the dissociation of acetic acid which is already very small. Consider
the equilibrium, . '

; CHCOOH == H*+ CHyCOO~
. The addition of one of the products of dissociation (e.g., acetate ions) supplied by the largely
dissociated salt (e.g., sodium acetate) pushes the equilibrium to the left. In other words, the dissociation
of acetic acid is suppressed. Similarly, the addition of hydrogea ions furnished by the addition of
largely dissociated acid such as hydrochloric acid, also suppresses the dissociation of acetic acid. :

" Likewise the dissociation of 4 weak base, such as ammonium hydroxide, represented by the
equilibrium

NHOH ==  NH} + OH

is suppressed on the addition of a salt like ammonium chloride which suppliés ammonium ions. The
addition of a strong base like sodium hydroxide which supplies hydroxyl ions, also suppresses the
dissociation 3

The suppression of the dissociation of a weak acid or a weak base on the addition of its own fons
is called common lon effect,

: BUFFER SOLUTIONS o b
i i i lutions whose p
For many purposes in chemistry, industry and biology, it is necessary to have so s,
dmmichml:ge much even on the addition of appreciable amounts of strong acids or strong alkalies.
Such solutions are called buffer solutions. -
A buffer solution is one which can resisr-change in its pH on the addition of an acid .o a base.
A 1M
Consider a solution of sodium chioridé in water. Its pH is 7. The addition of even 1 ml of
Hﬁpﬁuﬁn;rl:i':nﬁmo;fmﬁumchhme@lmﬁhmfim:pﬂntﬂ:_mhumﬁm?tuahy::iti.
Slli:.ilar'ly,th:adiiitibnnfl'mloflMNaOHmh‘ﬁunt_non;ﬁtenfmd:mchluﬁde;u“#«tjm ses
thanoflhesuluﬁun'fmm'}'m.nbmnll,',ﬁpdiwncﬂmﬂ:_m]nﬂuu,T,_laMa u”,u |
L : H . i E 2 . a same
The pH of an aqueous solution of ammonium acetate is also 7. the additio :
umuntugaci{:loralkaﬁ,'uthn'uueaﬂdzdiﬂlh:m:nfsndlmmhhﬂdemlupun.:besnmcuuseanjr



appreciable alteration in the pH of ammonium acetate solution. Thus, ammonium acetate solution is
a buffer as it can resist alterations in its pH on the addition of an acid or a base.

Luumwhyasnlmnnnfm:@nahﬁunﬁﬁndmﬂmcﬂnnd&um

Ammoaium acetate, like any other sall, mmalnm:nmdymmefmmofmnu viz., NHj
and CH;COO" iops. If an acid is added 1o this solution, thEH+ml’l.mshudhjrtheac:dtnnﬂ1u
with acetate ions to form feebly dissociated molecules of acetic acid :

CH;CO0- + H* —»  CH;COOH
Feebly dissociated .

Since most of the H* ions added are taken up by acetate ions to form acetic acid which itself is
only slightly dissociated, the H* ion concentration (and hence the pH) of ammonium acetate solution
changes oaly slightly.

Now, suppose a base is added to ammonium acetate solution. The OH- ions furnished by the
base will be taken up by NH ions to form feebly dissociated NH,OH :

NH; + OH® —» NH,OH
Feehly dissociated ©

Since most of the OH"~ ions added are taken up by NH; ions to form weakly dissociated NH,OH.
there is very little change in the pH of ammonium acetate solution.

Btmmlmmsmmnnduﬁdmpumuumaﬁqawdlummenﬁh&ﬁry.'nms,

ammonium acetate has reserve acidity due to the presence of NH} ions and reserve alkalinity due to
the presence of CH;COO™ ions.
_ Hul'htlllucwh]rasnluumofmdmmchlondelsmahﬂur In aqueous solution it is
ﬂmmﬂy:ﬁmnﬁdmﬂnN&"‘mﬂﬂl jons. If H* ions are added to this solution, the hydrogen
jon concentration increases, i.e., the pH falls immediately. The reason is that HCI, likely to be
.'Eoumi.unsdfahmﬂcumphtelrdlmmmd If OH- ions are added to the solution, the hydrogen
jon concentration falls, i.e., the pH rises. The reason is that NaOH, Iihcljrmbr.fnnnad is itself
almustmqnlcteljrdmuted :

The capacity of a solution to resist alteration in its pH, mtmwnasmbd‘fa*npndly



o .HYDROLYSIS OF SALTS - -
Water is dissociated to a very small extent into H* and OH- ions -
' HO0 = H*+oH .
In pure water, the concentrations of H*"ions and OH- jons are equal to each other, i.e.,
[H*] = [OH) '
Pure water, therefore, is neutral.

Salts are strong clectrolytes. When dissolved in water, they dissociate almost completely into
positively charged jons (cations) and negatively charged jons (anions). In some of the salts, the anions
of the salt react with' H* ions furnishéd by water thereby lowering the concentration of H* ions in
solution. Since the product of (H*] and OH- ons is constant {[H*){OH]=K,, }, therefore, the
concentration of OH™ ions in the solution increases. The solution, therefore, becomes alkaline:

- In the case of some other salts, the cations of the salt react with OH- ions funushad by water
thereby lowering the concentration of OH- iops in ‘solution. Since K, is constant, the concentration of -
H* ions in the solution increases. The solution, therefore, becomes acidic. -

The phenomenon of the interaction of anions and cations of the salt with the H* and OH" ions
furnished by water yielding acidic or alkaline (or sometimes even neutral) solutions is known as salt
hydrolysis. . . _ )

2R

Hydmlys'is may also be considered as the reverse of neutralisation. Neutraliminn., as we know,
involves combination of H* and OH" ions yielding undissociated water, i.e., it involves almost com
disappearance of H* and OH" ions. Hydrolysis, on the other hand, leads 10 the formatien of-H*or
OH" jons, as discussed above. ’ :

- For a study of hydrolysis, it is convenient to divide the salts ino four categories
1. Salts of strong acids and strong bases such as potassium chloride and sodium nitrate.

2. Salts of weak acids and strong bases, such as potassium cyanide and sodium acelate,

3. Salts of strong acids and weak bases, such as ammoniunr chloride and aniline hydrochloride.

4. Salts of weak acids and weak ‘bases, such s ammonium acetite; = '\ . - .

: LSdﬁﬂ&rpngﬁﬁdsud&rnngm.Sahsuf'shmgahﬁsmdmgbasesdumhydm!ym
Consider, for example, potassium chloride. When it"is"dissolved in water, its ions, K* and CI°, have
- 00 tendency to react with the H* and OH- jons of water. This is because the possible products of

~ such interactions, nadiely, KOH and HCI, aréthemselves almost completely dissociated. Cotsequently,



there is no change in the concentration of H* or OH" ions and 'Ilic solution continues to remain
. neutral, Thus, salts of strong acids and strong bases do not undergo hydrolysis.

2. Salts of Weak Acids and Strong Bases. Sats of this category undergo hydrolysis fo give -
alkaline solutions. Consider sodium acetate as an example of this category. When dissolved in water
it undergoes almost complete dissociation into Na* and CHyCOO" ions. : -

CH;COONa — CH,C00™ + Na* )

The acetate ions will take up some of the H* ions furnished by ihe slightly dissociated water to
form the feebly dissociated acetic acid : :

CHyCOO™ + H* —»  CHyCO0H

The undissociated water further dissociates so as to maintain the constant value of K,, = {H*][OH"].
The H* ions are again taken up by CH;COO- ions. This leads to an increase in the concentration of
hydroxyl ions and decrease in the concentration of hydrogen ions. The solution, therefore, becomes

Thus, the aqueous solution of the salt of a weak acid and a strong base is alkaline because of
hydrolysis. - . |
Hydrolysis Constant. The hydrolytic reaction of sodium acetate may be written as

CH;COO + Na* + H;0 =  CH;COOH + Na* + OH"
Since, Na* ion i$ common on both sides of the’ equation, it may be left-out and the equation may

be represented as o
- CH3CO0~ + H0 = OH" + CH;COOH
Unbydrolysed sait Fres base Free acid

Applying the law of chemical equilibrium and taking the concentration of water as constant (since
it is present in large excess), we have _ .
K= [OH”J[CH;COOH]

' [CH;CO0™]

K} is kmown as hydrolysis constant. . )

Relation between K;, K, and K,. It should be noted that uitimately when. the equilibrium of
hydrolytic reaction of CHyCOONa is established, the following two equilibra have also to be satisfied :

CH;COOH =  CHyCOO™ + H* -

"

...Gl}-

L
. HO = H*+O0H .
Therefore, the following equations should also hold good :
_ [H'][CH,C007] _
K, [CH.COOH] | w32}
where K, is the dissociation constant of the acid and
K, = [H*][OH] . ' ..33)
Dividing Eq. 33 by Eq. 32, we get . -
K [OH" J[CH;COO0H]
Sw 3 _ .
| K, [CHco0- ]~ Kb o (from Eq. 31)
Thus, - Ky = KJK; : L34

Bvidently, the hydrolysis constant Kj, of the salt varies inversely as the dissociation constant K,
of the weak acid. Therefore, the weaker the acid, the greater is the hydrolysis constant of the salt.
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Degree of Hydrolysis. Let ¢ moles per litre be the initial concentration of sodium acetate in
aqmuwhninumdl:t:heth:dtgrunlhrdrﬂnhwhkhild:ﬂmdnthefmtionut‘th:mul
salt thllhnm&qméhf&dphmmtmlmmufaqﬁmﬂmlﬂﬂﬂngﬂ!hwmlrﬂsmhn
ub:fnumpunh;mcnquulbrMcmmmuounf&uﬁmuWu,ﬂhﬂ )
T CHCOO™ + H0 = CH,COOH + OH '

ol =x) o @

Ky = SXa ot

e(l-x) 1-x
Ifx is small as compared to unity, (1 - x) in the above equation may be replaced by 1 so that
Ky=ec ‘or x= .,IH'* fe «(35)
But, Ky = KK, (Eq. 34)

X -JK,I[K,::] [ 36)

By means of Eq. 36 it is possible 10 calculate the degree of hydrolysis of a salt of a weak acid

and a strong base at any concentration ¢ of the salt provided the dissociation constant K, of the acid
is known.

greater is x, the degree of bydrolysis. Also, since K, increases rapidly with temperature and K,
changes only slightly, it is evident that the degree of hydrolysis increases considerably with rise of

temperature. Lastly, it is seen that the degree of hydrolysis increases when concentration (c) decreases,
L.e., when dilution increases,

Example 20, C-hhhthmﬂr&dﬂiuu-uumunﬁ-mu 25°C. K,=175% 10" and
L-lﬂxl“". )
1-008'x 10°H

— e M R T
&hldv‘dwmldﬂmnfmﬂl[:}ilmﬂ.

o x_-,!n;._;c'”‘i%ﬂ-'r-m:m",
Thus, the degree of hydrolysis = 7589 105 :

PH of the Hydrolysed Salt Solution, As shown above, in the hydrolysis of CH;COONa,
[OH] = cx, Substituting the value of x from Eq, 34, we have

1 -~
[DH' :c{-’_:L-]z ;[—KH-EJI
Taking negative logs of both sides, we get
POH = § pK, - 4 log c - 4 pK,
But pH + pOH = 14
: PH =14 - 4 pK, + Jlogc + 4 pK, .3

= 576 x 10710



3. Salfs of Weak Bases and Strong Acids. Consider ammonium chloride as an example of this
category of salts. In water, it undergoes almost complete dissociation into NH; and CI" jons. The
mumwou-mwwmwmuWymmux.mm
m&mm.mwwmmmm»ammmemmu
uLMm-Whumampmuammuw
of hydroxyl ions. The solution, therefore, becomes acidic.

M-madnﬁmofasdlofamkbucada.macidislddkbewneol
hydrolysis.

wcmm.mummmdmmmmuwa

NH; + CI" + H0 =2 NHOH + Cr + H*
MQ'NBMMMMOI&M]M&&RWN&WM?
be represented as _ ) ,
NH; + H0 = NHOH +.H*
Unhydrolysed salt Free base  * Free acid
Applying the law of chemical equilibrium, we have :
- Ky = [H] [NHOH]/[NH]) A ..(38)
l’..allmdyulionad.ishownuhyaolyﬁsm
mmnnugmwmmmmmmmuﬂm:

NHOH =2 NH, + OH

= TR HO = H'+OW
 Accordingly, the following equations should also bold good : ' -
Ky = [NH{NOH")/[NH,OH] .39)
where Ky is the dissociation constant of the base and AL
S K, = [H*)(OH"] - . (40)
Dividing Eq. 40 by Eq. 39, we get . |
. ~ KJK = [H*)INHOH)/[NH]) = K, (from Eq. 38)
Thes, K, = KJK, .4

uummmemmmem.memkmeummmofmm

Depudﬂydmlyds.lfci:lheinitialmaﬂonoﬂhenltlnmluperﬂmndth
depuﬂhydrdyshmmeanﬁmdemdumwhemmﬁmofmevmwm
& equilibrium will be as represented below :

NH{ + H0 = NHOH + H*
ol -x) o =4
o axa
e(l-x)




If, as before, x is too small as compared to unity
K=ot . 42

or x= [Kyic = JK, i(Kyxc) (from Eq. 41) - (43)
As in the previous case, the degree of hydrolysis of a salt, at a given temperature, is more if the
base is weaker, i.e., if K, is smaller. Also, x increases when concentration decreases, i.e., when

dilution increases. Further, since K,, increases much more, with temperature than K, the degree of
hydrolysis at a given concentration increases with rise in temperature.




4._5@1Liﬂﬂﬂukmjdslnﬂwmm Salts of this category may be exemplified by ammonium
acetate: The NH and CHyCOO" ions furnished by the salt combine with OH- and H* ions of water,
respectively, to form feebly dissociated NH;OH and CHyCOOH. The reaction may be represented as

- CH;C00™ + NH, + H0 = CH000H + NH,0H
Unhydrolysed  Unhydrolysad © Freeasid Free base
salt st ik . _
In this case, both H* and OH- jons are removed simulianeously and if they are removed in
equivalent amounts, as in the present case, the solution remains neutral although hydrolysis of the

salt has taken place.

_ The equilibrium law equation for hydiolysis constant in the presentycase may be written as
: k. - ICHCOOH](NH,0H] '

[CH;CO0™ | [NH{] 0
The following other equilibria also exist in the solution -
_ CHCOOH = CHyCO" + H*
NHOH = NH} + OH
H,0 ",.—_':" H* + OH-
Accordingly, the following equations should hold good :
K, - [CH;COO"](H'] | 47
® " [CH,;COOH] ' :
g, - INHI1[0H) .{48)
[NH,OH]
K, = [H*)J[OH] .. 49)
Dividing Eq. 49 by Eq. 48 as well as by Eq. 47, we have
' K, [CH,COOH][NH,OH]
= = . fi . 46)
K.xK,  [CHIOO INH] ~ * (from &4
Thus, in this case, ' . - K - - vl S0}

. ] K, % Ky
If the initial concentration of the salt is ¢ moles per litre and x is its degree of hydrolysis, then,
at the equilibrium point, the concentrations of the various species will be as shown below :
CHyCOO" + NH} + H;0 = CH;COOH + NH,OH
cll -x) c(l -x) cXx cx
Kh - Cirz - .'|.'1 1..{51}
Al-x¢ (1-x¢ to .
Neglecting x as compared to unity, we have

Ey=x . - ) )
or . x=.K, = Kﬂiwﬁ‘b {r:;hﬁq.m} ' B ..53)

It is evident from Eq. 53 that the weaker the acid and the base, the greater is the degree of
hydrolysis of the salt. It should be noted that in this case the degree of hydrolysis is independent of
the concentration of the solution. Further, as before, since K,, increases with temperature much more
rapidly than either K; or K}, the degree of hydrolysis increases with rise of temperature.



pﬁumw“m.ﬁmﬁmmwmﬂm.

lftheiuiti:]mnummﬁml:nh:midlacmdxlsﬂnd:greenfdhmnitﬁnn.thm

HY) g, AHAL o & . x (55)

S x"'M'] c{l - x) If"l-x I:
From Eq. 51, x/(1-x) = &,

o K, 2

(H] K.J?I-.r.t[,_.-_—,_;]l_ - Moate

. / " a2

o

Taking negative logs of both sides,

PH = 4 pK, + 4 p, - 4 pk, .{57)

From Eq. 57 we see that if K, and K, are equal, thea pH =3-pK,, = 7, that is, the solution is
uuu':{mspﬂenflhzrmdmmcﬁuntafhydmlﬁizmyh:mniﬂuﬁk.



AgClls, sard. soln.) =2 Ag*(ag) + Crag) :
wmuhwofmmm&mmmuﬁvmby

a _xa
K=\ O ..(64)
: g
Sﬁnenivityofuolidkukenuunitybymvenﬁm,dnaboncxprmionmybemu
K, = Gpg+ X Oy _ .. {65)

Ky = K, ..(67)
ae..mmkm@wmmmmm.mm
any serious error, we may write : ‘

_ Ky = (Ag*)GL] : .
mmmofmw.m&mymmmmmmeqm’ﬁmm:
A&SOs, sad. soln) = 2Ag%(ag) + $02- (ag)
mmmqmwmm'umbyugw'
‘ Ky = [Ag*F{s0?) %
v «Similarly, the solubility products in the case of AKOH): and would be given by the expressions
Kp=[AP*JOH"}’ and la = [AS RS2, mﬁfm?’ M's’ e
‘ Cmﬁder.ingmm.anltofmetypeA,B,wmdiaodusu
' AB, = a4 gpe
‘lhesolubilityproduc(ofﬂnuuisnowgivenby
K, = [AT*F B*p - ..{68)



The true solubility product constant is given by the equation
) Kp = Ot *%a- )
K, = [Na*](Cr]
mm.hmkm,muwﬁvﬁﬁmmmmyhum&mmm This is due to
high ioaic concentrations which enhance interionic effects z is, therefore, no longer equal w K,

Apart from this mathematical difference, thnmmbﬂuy pmmpicuasvahdfnrqmmgly
~ soluble as for freely soluble electrolytes.

nmmmsﬁhhmuhmmmunmqu:wmuhhmnmu:

saturated solution of a sparingly soluble salt AB, the following solubility equilibrium would exist :

AB(s, satd. soln.) == A*(ag) + Bag)
It‘lt:mularmluhlllurnfmesutlu lhm :

[A*] = 5 mol dm™

[B7] = 5 mol dm™ .
" Hence, " Ky = [A*)[B] = (5 mol dm™)(s mol dm?) = 5% mol? dm®
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Applications of Solubility Prodyct Principle L o . :
1. Determination of Solubilities of Sparingly Soluble Salts. Suppose, solubility of a
solnbleuu.uy.silverchlotide.hsmleperlim Slcebmmmim be quite small; it

Therefore, solubility producy Ky of silver chloride will pe given by
Ky = (Ag*)(Cr] = ¢
chge. solubility of silver chloride is related to e solubility product by the expression

s =JK, <
mmubmtymdnaofwnrcmmuamwademmm adding silver

chioride in a solution of Potassium chloride of 2 known coucentration, say, b-moles per litre. The
concentration of Ag* jops in the solution produced by the dissociation of that part of AgCl which
dissolves in water is g b mEMFmethod.SUppoukh‘amolcperlitrc. concentration
of -chloride jons jp solution wiJl pe (a+5) moles per lire due to silyer chloride and potassium
chloride refore solubility produc of silver chioride, Ky, is given by

Ky = ala + b)

The solubility product of calcium sulphate in wager ig 25°C is 24105 M2, A sample of harg
Waler contains 0-01 mole of CaCl per litre, It is required 1o precipitate calcjum sulphate by the
addition of dijyte sulphuric acid/ Two solutions of 'Sulphuric acid of .concentrations 0-001 M and 0-02
M are giy

.
' * g '




Suppose we mix, in the first instance, equal volumes of the hird water and sulphuric acid of

lower concentration. Will calcium sulphate be precipitated ?
The solubility equation for calcium sulphate may be written as
EaSD,,gs.wd.mh] = c:‘*(quso’ (ag)
= [Ca?*][s0%"] = zdxmr-’M?
[Ca®*] in water = 0-01 M
Since volume is doubled on the addition of sulphuric acid solution, heace,
[Ca®*] in the mixture = 0:01/2 = 0-005 M
Concentration of sulphuric acid = 0-001 M
; (sol] = 0-001 M
Since volume is doubled when mixed with equal volume of hard water, hence,
[$02°] in the mixture = 0-001/2 = 0-0005 M

Thepndnufumnmlrmm'm
[C2*)(S0%"] = 0-005 Mx0-0005 M = 2-5x10 M2
E , the fonic product is less than the solubility product of CaSO, which is equal to

24x10°5 M2 Therefore, precipitation of calcium sulphate will not.decur.

Now, suppose we mix equal volumes of hard water and m‘tphurt acid solution of the higher
concentration (0-02 M).

[Ca®*] in the mixture = 0-01/2 = 0-005 M
(S0 1 in the mixture = 0-02/2 = 0-0L M
The ionic product (Ca®*][$0F"] = 0-005 Mx0-01 M = 5x107° M?
The ionic product now exceeds the solubility product of CaSOy. Hence, calcium sulphate will be

¥



precipitated first :

3. Fractional Precipitation. Consider an aqueous solution of KCI and K1 to which AgNO, solution
is added, Since K(Agl) is less than Kp(AgCl), hence, Kg(Agl) will be exceeded and Agl will be

Ag*la) + T — Agl) ¢ K, = 0-94x10°16
Ag*lag) + Cl(a) —> AgClis) ! Kp = 1-56x10°10

(7] Ky(Agh) _0%4x107¢
[CU]  Kp(ARCD ~ [ 56x10-10

Thus, Agl will start precipitating out when [I"] is- approximately one-millionth part of [CI.

AgCl will precipitate only when [Ag*] is greater than the value given below :

Kyp (ABCI) _ 1.56 x 107 '

[C7] [€r]
At that point both Agl and AgCI will start precipitating simultaneously. ,
4. Preferential Precipitation of an Insoluble Salt. Silver chloride is ‘insoluble’ or sparingly

= 60x10°7 = 1078

[Ag*] =

+ soluble, to be more accurate. So is silver iodide. The question. arises as to what would happen if

potassium iodide solution is added to silver chloride. Would the reaction
' AgCl  + K = Ka + ag
Sparingly soluble Sparingly soluble
take place towards the right, i.e., would thé precipitate of silver chloride change into the precipitate
of silver iodide 7
For answer, it Is necessary to look to their respective solubility products.
Solubility product of silver chlgride

Kypiagon = [Ag*)ICI] = 1-56x 10710 : bde 7
and that of silver iodide, PR | . S )
| Kpirgn = [A*II} = 094x1076 ~ . - (e

[cry 1.56 x 10710
[I']  0.94x107

 This means that at equilibrium, the concentration of CI jons in solution is more than a million
times greater than that of 1" ions. In other words, practically nothing of the I" fons can remain in
solution at equilibrium, As the I ions can only be removed as Agl, it means that the reaction
proceeds virtually to completion towards the right,

As a rule, the compound with the lower solubility product gets precipitated in preference. Silver
iodide has lower solubility product than silver chloride. Therefore, the former gets precipitated in
preference to the latter. -

3. Precipitation of Soluble Salts. (a) Purification of common salt. The principle of solubility
product is also applied in the precipitation of soluble salts in pure state from their saturated solutions.
This phenomenon, known as salting out, is used in the purification of sodium chloride. This is-done by
preparing a_ saturated solution of commercial (impure) sodium chloride in water when the following

= 1.66 % 10°

* equilibrium exists ;

NaCl(s, satd. soln.) =  Na'(ag) + Clag)
Ky = [Na¥)[Cr) e |
HCI gas is passed through this solution. The [CI7], therefore, hw‘%rﬁm considerably. Hence, the



mmmmcmcmﬁmsdnbﬂkymofm.i.Wc.hmm«x
from the solution in pure state. The soluble impurities remain in solution.

(b) Salting out of soap. The same principle is made use of in the salfing oui of soap which miay
be considered as sodium salt of stearic acid for simplicity. The followiag equilibrium exists :

Ci7HysCOONafs, sard. soln.) ==  CyHyCO0(ag) + Na*(ag)
Ky = [CiyH3sCO0Na*]

mmwbﬁukmm.mm*l.mm.m.um.umm
mumsﬂnbﬂhypm&uofmdimsm.mmp.madm.mom
from solution.

6. Inorganic Analysis. The application of solubility product priaciple to inorganic analysis is of
great importance. A few illustrations are given below.

LMOIW.HM&WB:M&I@@MQ

"HS = H*+s§

But, as the solubility products of sulphides of nickel, cobalt, manganese and zinc are comparatively
m.&mhmﬁmmumdhmwkmmmmm
bmﬂmmmm.mhmgaWthﬂ. Since they
mqﬁeamommﬁmofmlphﬂe.hu.aﬁguymwhkwdamhmm.
kﬂd(«wﬁﬂk&em&hgapmhghydmmmhﬁdehughmnixﬂwhubn).ky
this means, the product [Za?*][S™], for example, in solution exceeds the solubility product of zinc
sulphide. Therefore, zinc sulphide gets’ precipitated. Similarly, the sulphides of nickel, cobalt and
mmmmthofmmmpwm &

‘l'hesnhbiliry.productofudmimnmlphikisgmwunnﬂnofm:oﬁéradphiduofthc
wm.mm.mwmmhmmmmummm.m
otber words, excess-of hydrochloric acid should be avoided or the solution should be diluted before
passing hydrogen sulphide for the detection of Cd** in the Second Group of qualitative analysis.

thWh;Mvmngpisukuofﬂ:bauuﬁmymofhydmﬁda
ammmwmmmhmmmdmm.m.

Ammonium hydroxide is a weak base. Its ionisation
NHOH = NH; + OH"

hmwwmem&mamgdymummmw(mmmyw
the OH" ion concentration, dw'ememdymn,klmm-kmwemmmbﬂky
Md‘lymmofﬁm,ﬂuninimachmuﬁxmwmmmfon. get precipitated as
hﬂuﬂuh&nﬁpmofqmﬁmvemﬂyskhmcm_ofmofmm&bﬁde.h
n’mamﬁnuﬁmdomgupndpiued(shydmﬁkx)h&epmeofammm
chloride since their solubility products are much higher. :
7.MWW.MO@epwfnhﬁlhymmwpshexphhmm
a moderately weak acid is able to produce 2 precipitate when added to a solution of 2 salt of a weak
addhluwhenaddedtoasoluﬁonofaaltohmmgadd. For example, oxalic acid will cause
complete precipitation of calcium acetate as calcium oxalate but not that of calcium chloride or



calcium nitrate. The reaction in this case is
(CH;CO0)Ca + H,C0, —  CaCy04 + 2CH;COOH

The concentration of oxalate ion (C,03") is sufficient to make the ionic product [Ca**]1C,0% ]
greafer than-the solubility product of calcium oxalate. The acetic acid that is formed is very slightly
fonised and, therefore, it cannot alter the ionisation of oxalic acid which is much stronger than acetic
acid, If, however, oxalic acid is added to a solution of calcium chloride, the hydrochloric acid that is
formed is largely ionised and the increase in the hydrogen ion concentration will suppress the ionisation
of oxalic acid. Therefore, the oxalate ion concentration falls below the value required to exceed the
solubility product of calcium oxalate. As a result, the precipitation of calcium oxalate'is incomplete.

8. Dissolution &f Precipitates of Phosphates, Carbonates, Sulphides, etc., in Acid Solutions. 1t
is well known that the precipitates of salts of weak acids, sach as phosphates, carbonates, sulphides,
are soluble in dilute hydrochloric or nitric acid but the precipitates of salts of strong acids, such as
chlorides and sulphates, are not.

Consider zinc sulphide as a representative of the first category of precipitates. When suspended
in water, the following equilibrium exists :

ZaS(s, sad. soln) = Zn**(ag) + §+(ag) |
If a largely dissociated acid such as hydrochloric acid o nitric acid is added, the hydrogen ions
combine with sulphide ions to form hydrogen sulphide, -
MY + 8+ — Hyst .
which, being a sparingly soluble gas, will escape into the atmosphere. Therefore, the dynamic equilibrium
between solid zinc sulphide and its ions will be disturbed and more of the solid ZnS will pass inlo
solution as Zn** and 5% ions. The sulphide ions will again be taken up by hydrogen ions to form
hydrogen sulphide gas, and so on. In this way fhe whole of zinc sulphide passes into solution ultimately.

“Consider barium sulphate as a representative of the second category of precipitates, .., sparingly
soluble salts of strong acids. When added to water, the following equilibrium exists :

BaSO(s, said. soln.) ~ ==, Bi**(ag) + SO} (ag)

The added H* ions (through the addition of hydrockloric acid or mitrie acid) will not be able to
remove sulphate jons since sulphuric acid formed is very largely ionised and, therefore, the above
equilibrium is not materially disturbed. Consequently, barium sulphate does not dissolve in hydrochioric
acid or mitric acid. : : - .



