Chemical equilibria involving dissociation of chemical compounds, both solid and gaseous, and
phase equilibria involving various phase transitions such as. solid = liquid, liquid = vapour, solid
+= vapour, one allotropic form = another allotropic form, etc., have been discussed in previous
chapters. "In this chapter, we shall discuss ionic equilibria involving dissociation of weak acids and
weak bases in aqueous solutions, dissociation of sparingly soluble salts in aqueous solutions, dissociation
of water and hydrolytic dissociation of salts, etc., in some details.

_ ACIDS AND BASES :
Different concepts have been put forth by different investigators to characterise acids and bases.
While some of the concepts are quite narrow in their approach, others are fairly comprehensive.
Some important concepts of acids and bases are discussed below.
Arrbenius Concept

According to Arrhenius concept, an acid is a substance that dissociates to give hydrogen ions
when dissolved in water. Thus, hydrogen chloride gas is an acid because when dissolved in water, it
gives hydrogen ions. )

HClg) + water ==  H*(ag) + Cl'(ag)

The symbol aq indicates that the ions are hydrated, i.e., associated with one or more molecules
of water. The dissociation of acetip acid when dissolved in water is represented as _

© CH;COOH + water ==  H*(ag) + CH;CO0(aq)

Similarly, a base is a substance which dissociates into hydroxyl ions when dissolved in water.
The dissociation of a base like cal¢ium hydroxide may be represented by the equation

Ca(OH), + water ==  Ca?*(ag) + 20H"(ag)
The high dielectric constant of water lowers thg force of attraction between the oppositely charged

fons and thus causes the dissociation of the electrolyte. The greater the number of H* or OH" jons _

“given by an acid or a base in water, the-greater is the strength of the acid or the base.

Although the H* ion in aqueous sofution is largely hydrated, with H;07 (hydronium ion). as its

probable structure, it is customary to represent it as H(ag) for the sake of convenience.

" Since almost all ions are hydrated to more or less extent, therefore, it is customary to put (aq)
aftelj each ion. . ) :

The Swedish chemist S. Arrhenius (1859~1927) was awarded the 1903 Chemistry Nobel Prize for
his theory of electrolytic dissociation. - .
Bronsted-Lowry Concept

~ In 1923, Lowry and Bronsted suggested a more general definition of acids and bases. According
to their concept, an acid is -defined as a substance which has a tendency to donate a proton to any
other substance and a base as a substance which has a tendency to-accept a proton from any other
substance. In other words, an acid is a proton-donor and a base is a proton-acceptor.
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When an acid loses a proton, ie., anH ion, the residualiﬂh{-t of it has a tendency to regain the
proton. Therefore, it behaves as a base. An acid and a base may, therefore, be defined by the general

“  equation

Acid = H*' + Base : ()
S T
Conjugate Acids and Bases. Consider the dissociation of acetic acid in water which may be
represented as
CH;COOH + H0 = H;0* + CH;COO" )
Acid Base Acid Base

(Solvent) R

It is evident that acetic acid donates a proton to water and thus acts as an acid. Water accepts a
proton and, therefore, acts as a base. In the reverse reaction, hydronium ion (H;0*) donates a proton
to the acetate jon and, therefore, acts as an acid. The acetate ion accepts a proton and, therefore,
behaves as a base. Such pairs of substances which can be formed-from one another by the gain or loss
of a proton are known as conjugate acid-base pairs. Thus, acetic acid is the conjugate acid of
acetate ion and acetate jon is the conjigate base of acetic acid. Similarly, water is the conjugate
base of hydronium ion and hydronium ion is the conjugate acid of water.

The dissociation of hydrochloric acid in water may be reprgsentéd as

HCL  + HO &= HO'  + *C ..0)
Acid : Base ° Acid . _B'ase
: (Solvent) *
Evidently, hydrochloric acid is the conjugate acid of chloride ion and chloride ion is the conjugate
base of hydrochloric acid. :

The following points emerge out of the above discussion :

1. Firstly, it is evident that a substance is able to show its acidic character only if another
- substance capable of accepting a proton is present. For example, acetic acid or hydrogen chioride
solution in benzene is mot acidic because benzene is not in a position to take up protons. But, a

in water, as shown in the above examples.

_ "2 Secohdly, hydrogen ion in aqueous solution does not exist as H* ion but as hydrated ion, H30%.
It is called hydronium ion because-of its resemblance with ammonium ion, NHJ .

3. Thirdly, not only molecules but even ions may act as acids or bases. Thus, in the above
examples, -acetate ion (or chloride ion) acts as a base as it can accept a proton to form acetic acid

(or hydrochloric acid). In fact, anion of any acid is the conjugate base of the acid.

As will be seen from the dissociation of acetic acid or hydrochloric acid represented above, there
is one acid and one base on each side of the equation. Suppose,, acetic acid is ‘designated as Acid;,

to as Base;, then the hydronjum ion, its conjugate acid, may be designated as Acid,. The dissociation

of acetic acid in water may then be represented as
Acid; + Base, =2 Acid; + Base; .4

Acid; and Base is a conjugate acid-base pair and so is Acid, and Base;.

In general, the dissociation of an acid HA in water may be represented as
HA + H,0 ) Vf_ H30+-+ A-

Just as an acid requires a solvent that can take up a proton (i.e., can act as a base) for its
dissociation, similarly, a base requires a solvent that can give up a proton (i.e., that can act as an acid)
for its dissociation. Water possesses both basic and acidic properties. Therefore, acids as well as bases,

/

solvent like water can take up protons and, therefore, acetic acid or hydrochloric acid can dissociate

- - then the acetate-ion, its conjugate base, may be designated as Base,. Similarly, if water is referred- -
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- can dissociate in water. Thus, water acts as an acid Q@ i
» Wale proton~donor) towards ammonia and as a base (a
proton-acceptor) towards acetic acid.’ Such substances are said to be amphiprotic or amphoteric. (
- Consider dissociation 0f ammoriia in water which may be represented as’ o
NH; + HO0 = NH;, + O
Base; Acid; Acid; Base,
(OHt‘;n.lmo.mum fon (NHJ) is the conjugate acid (say, Acidy) to the base NH; (Base;) and hydroxyl
") ion is the conjugate base (Base,) to the acid H,0 (Acid is equilibriun
o the veual pasions. . 10 ( d;). Thus, this equtllbn}lm also conforms
Example 1. Determine the trend in the relative basic strengths of anions in the series : C107, C103, CIO3.

wid i:ls:ﬁ:;r:stcaﬁ;,' Clos, lClOi are, respectively, the conjugate bases of HCIO,, HCIO3, HCIO,. A conjugate
~ba s in complementary relation to each other. The st i is i j
base. Since the strength of the acids varies in the order : foneet the acid. he weaker fs s conjugae

, HCIO4 > HCIO; > HCIO,,
‘the strengtli- of their conjirgate bases varies in ‘the order: ’
Clo; < Cio; < co;
Let us eluci.date it by considering the generalized acid-base reaction
. HA+B = A +BH* .
wherein HA-A- and BH*-B constitute conjugate acid-base pairs. In this reaction, the greater the tendency of HA to

react With_ B,.the farther will lie the equilibrium to the right and, the farther the equilibrium lié§ to the right, the
less effective is A~, the conjugate base of HA, in acting as a base by accepting a proton. |

'Tablgolme common cases of equilibria between acids and bases involving proton transfer are given in

‘

TABLE 1
Conjugate Acids and Bases
Addl - + Bas’ez T # . " A(_:idz . + Bﬂsel
HCI + HO* =2 S : o LA “cr
HNO; + H0 # H;0" + N03_
S0, + H0 =  HBO* HSO;
H;PO, + . H,0 . # H30+- + HzPOZ
HSO; -+ BO =  HO* +  sof
] CH;C00 + . HO . - \———_\ . H30+, + CH;C00~
’ HSO; + "H0 . #""' H30+ +. SO%"
H,CO, + H,0 \_——_\ H;0* + HCO3
HCN + -H,0 # H,0* + CN-
NHZ + H,0 (_—\_ H,0* + NH,
HCO;  +  HO = H0* + €Oy
HS- O H0 = Hy0* + &
H0. + HO \———\ l'l30+ T+ - OH

Relative Strengths of Aéid-‘Base 'ﬁairs Aécordin he of L B
_ ve Strengths -id-Base Pairs. A g to the concept of Lowry and Bronsted, the
strength of an acid depends upon its teridency o lose protons and the strength of a base depends upon

its tendency:to.gain:protons. :If -an acid; suchas h ic acid, is a’ id. it wi
. ACHney-10.-gam protons, . If-an -acid; such' as ‘hydrochloric acid, is a strong acid, it will h
strong tendency, to donateiprotons.'Thué,,thc equilibrium, Y & i avea

-HCl + H,0 = - H0*+Cr

[\
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lies very much to the right and the reverse reaction, representing the gain of proton by the cfiloride
jon leading to the reformation of HCI, will take place to a very small extent. Thus, chloride ion is a

. weak base. ‘- - .

“If an acid, such as acetic acid, is a weak acid, it would have only a weak tendency to lose
protons. Thus, the equilibrium i
CH3COOH + HyO = H;0% + CH;CO0"
lies mostly towards the left and the reverse reaction, representing the gain of protons by the CH;COO™
ion leading to the formation of CH;COOH, will take place to a very large extent. Thus, CH3COO"
ion is a strong base. : )

As a general rule, the stronger an acid, the weaker must be its conjugate base and vice versa. If
an acid (e.g., HCI) is strong, its conjugate base (CI") is weak. If a base (e.g., CH;C00") is strong,
its conjugate acid (CH;COOH) is weak.

Water is a very weak base because its conjugate acid, hydronium ion (H;0*%), is a very strong
acid. At the same time, water is a very weak acid because its conjugate base, hydroxide ion (OH"), .
is a very strong base.

It may be pointed out that while strong acids like HCI, HNO;, H,80,, etc., being covalent
compounds, get dissociated only in a solvent like water which can take up protons, strong bases such
as NaOH, KOH, Ba(OH),, etc., being electrovalent compounds exist as ions even in the solid state.
The basic character of these. compounds is exclusively due to the presence of hydroxyl ions which are
always there (even without a solvent) and, therefore, no interaction with a solvent is necessary in
such cases. They are frequently referred to as hydroxide bases to distinguish them from other bases
such as C3C00~, CO?~, $2~ and NH; which furnish hydroxyl ions only on interaction with a solvent
such as water. :

one. 1t depends also on the substance which acts as a base. Consider the' general equation
o ~Acid; + Base, | == Acid, + Base; )
The capacity of the acid to dissociate (i.e., to donate protons) also .depends upon the basic
strength of acids (i.e., the capacity to accept protons) of the solvent, which acts as a base. For the

~order of the relative strengths of acids given in Table 1, the base (solvent) is water. If some other

solvent is used, the order of relative strengths may be quite different.- To illustrate this point, three
solvents, namely, glacial acetic acid, water and liquid ammonia of increasing basic character may be
considered. N o -

Dissociation in acetic acid. Although acetic acid is normally an acid, it is also able, to some
extent, to accept a proton and thus to act as-a base as well. The dissociation. of ‘a strong acid HA in -
this medium may be represented as

HA + CH;COOH & CH,COOH; + AT
Acid Base Acid Base
(solvent)

But, the equilibrium cannot lie very much to the right since acetic acid has only very small
tendency to accept protons. Therefore, even strong acids are only feebly dissociated in acetic acid.

The degrees of dissociation-of a number of acids when dissolved in glacial acetic acid have been
determined from conductance measurements (Chapter 22). Taking them as a measure of their relative
strengths, some of the common acids have been arranged in the following order of their strengths :

HC104 > HBr > H,S04 > HClI > HNO;
This is the correct order of decreasing strengths of these acids.
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Dissociation in water. Water is a much stronger base, i.e., it has a much greater tendency to accept
protons than acetic acid. Therefore, the ionic equilibrium of a strong acid in water, represented as
HA + H20 __Y—\" H3O+ + A
Acid Base Acid Base
; .- .. . (solvent) . e e .
lies very much to the right. All the five acids mentioned in the above series, therefore, react almost
completely with water to form, in every case, hydronium ion, H;0%. Therefore, all the strong acids
In aqueous solutions appear almost equally strong. Obviously, their relative strengths in aqueous
solutions cannot be compared. This phenomenon is called the levelling effect.

However, the ionic equilibria in water do rot proceed so far in the case of weak acids like
formic, acetic, propionic, lactic, tartaric and phosphoric acids. It is, therefore, possible to distinguish
between the relative strengths of these acids in aqueous medium. '

Dissociation in liquid ammonia. Liquid ammonia has such a strong basic character, i.e., it has
such a strong tendency to take up protons, that even a weak acid, like acetic acid, dissociates to a
considerable extent and behaves as a strong acid. The ionic equilibrium, represented below, lies very
much to the right :

- CH3COOH + - NH; = NH}' ‘+ CH3C00-
Acid Bise Acid Base
. (solvent)- .

By conductance measurements it has been found that all acids, which in aqueous solution behave -

stronger than acetic acid, appear to be of about the same strength when dissolved in liquid ammonia.

Thus, such strong acids as hydrochloric and nitric and .such weak acids as acetic and propionic, -

appear to be of almost equal strength when dissolved in liquid ammonia.

Dissociation in hydrogen fluoride. Hydrogen fluoride offers an example on the other extreme, It
has strong acidic properties and no basic, i.e., proton-accepting properties at all. Consequently, even
the strongest acid is incapable of dissociating"as an acid when dissolved in hydrogen fluoride. As a
matter of fact, many substances, which are normally acids but have some tendency to accept protons
as well under certain conditions, dissociate as bases when dissolved in hydrogen fluoride. Thus, nitric
acid dissociates slightly as a base in hydrogen fluoride solution : . - :

HNO; + - HF =2 H,NOY + - F
Base Acid Acid Base
(solvent) .
It is thus interesting to note that even a strong acid like HNO; behaves as a base (a very weak
base though) when dissolved in HF. - .

_ Influence of Solvent on Base Strength. The nature of the solvent plays an equally iinporta'nt_
. role in the dissociation and relative strengths of basés as well. If the solvent is a weak acid, such as

_ water, ‘it will be  possible to compare the strengths of different bases as they will dissociate to
“different extents. But if the solvent is even a slightly stronger acid, e.g., acetic acid, it will not be

possible to distinguish between the strengths of different bases, :

For example, -aniline, a very weak base and sodium hydroxide, a very strong base, in water,
appear to .be equally strong when acetic acid is used as the solvent. Sometimes advantage is taken of
t;us fact in volumetric estimations of those bases ‘which are t00 weak in aqueous solution to be
titrated against acids. - : :

Lewis Concept

",_‘._ In 1923, G.N. Lewis put forth a more general concept of acids and bases. According to him, an
acid is a species that is capable of accepting a pair of electrons-to form a covalent bond and a base
15 a species that is capable of donating a pair of electrons to form a covalent bond.
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@ BF; + NH; — F;BNH; *
(Acid) (Base)
(i) B, + F — BE
) (Acid) (Base) L o
(). BCl + (CH;sN —> (CHy)sNBCk
(Acid) (Base)
(iv) Gt + 4N —  [(CulCN)*
(Acid) (Base)

We see that the Lewis definition does not attribute acidity to any particular eleme_rit but rather
1o unique electronic arrangement. Thus, rewriting reaction (i), for instance, as

P H EH
FB + N0 5 FEiem
FooH FH

it is easy to say that NH; acts as a base by virtue of its tendency to donate the lone pair of electrons
on the N atom to BF; which acts as an acid.

Example 2. How does the Lewis acid concept account for the formation of thiosulphate ion from sulphite
ion and sulphur ? - H

Solution : The sulphur atom, S, being electron-deficient, can be considered as a Lewis acid while the S03”
ion having an octet structure can be regarded as the Lewis base. Their combination to form S,03" ion is represented
below :

. 2- . ‘

I . 12-

-?- ) :0: !
$ o+ ’f—f’.’ — ::s'—?—b:_

0 :0:

Example 3. Usingﬂthe Lewis acid-base concept, determine the trend in the acid strengths in the series :
(] H(_fl04, HCIOs, HCIO; and (b) H3PO,, H;P0,, H;PO;. ° ’

. - Seolution : In general, the greater the number, of terminal oxygens in the Lewis structure of an '6xyaciq, the

. greater is its acidity.. The Lewis structures of the given acids are .:

:0: :0:
O 0w dbn b
’ :_cI;: IR '
:0: . :0: -':E,i: .
:0: H H
k

Since oxygen atom is more electronegative than chlorine, each terminal oxygen atom tends to withdraw electrons
from the chlorine atom and thereby also from the O—H ‘bond, with the result that the proton acquires a greater
tendency to- geg dissociated. Clearly, if there are more terminal oxygens in the oxyacid, the proton will get dissociated
o a greater extent. This accounts for the decreasing acid strength in the series (a), i.e., .

HCIO; > HCIO; > HCIO,

In the series (b), on the other hand, an examination of the Lewis structures shows that the number of terminal
oxygens is the same (i.e., equal to one) in the three acids. Also, the hydrogens in the three acids are not all bonded
to oxygens. The electronegativities of P and H, too, are almost the same. Thus, we do not expect very large differences
in the strengths of the three acids. :
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- . DISSOCIATION OF WEAK ACIDS AND BASES ~

Dissociation of a Weak Acid. Consrder the drssocratron of a weak monobasrc acrd HA in water,

represented by the equation :
HA + H,0 ‘.ﬁ H30+ + A-
Applying the law of chemical equilibrium, the equilibrium constant K, is given by the expression
| - [HO0°NA"] -6
[HA]J[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 H3O* simply indicates that hydrogen ion is hydrated, it
may be replaced by H*, for simplicity. The above equation may then be put as

_[H']AT]
©7 [HAIxk
assuming that the activity coefficients of the species involved are equal to unity each.

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

)

= [H][A")/[HA] ' (D

The srgmﬁcance 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 othet substance
present in the solution) divided by the concentration of the undissociated acid, is équal to a constant.
This constant (K,) is characteristic of the acid concerned and is known as. the dissociation constant
of the acid. This varies only with temperature, like other equilibrium constants.

) If the dissociation of the acid is repres"e_nted in accordance with Arrhenius concept, i.e., as
‘ HA &= H+A, '

_ the same expression as above for the dissociation constant of the acid will be obtarned Therefore for

simplicity, Arrhenius concept may be adopted.

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

. ~ CH;CO0H = Ht + CH3COO"
Original concs. : ¢ . (| 0 -
Equ. ¢oncs. : ol-o) ca oo

[H'][CH,C00™] _ coxco _ ca2
[CH,COOH]  c(l-a) 1-
Since for weak acids, o is very small, 1-a in the denommator may be taken as 1. The above

expressron therefore, reduces to : Cou . _
Ky=o? or a=JKlc =~ - _ )

For two weak acids of dissociation-constants. K,
from Eq 9 that

..(8)

a =

o and Ky, at the same concentration ¢, it follows

oy = } o & ..{10)

where al and a are the respective’ degrees of dissociation of the two acids.
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i - Bum, degree of dissociation of an acid is a measure of its capacity'to furnish hydrogen ions and
’ " hence a measure of its strength.

Strength of one acid, HA, = Ky ,
Strength of another acid, HA, K, =1

Example 4. The dissociation constants of formic and acetic acids are 1-77x104 and 1-75x 10‘5 respectively.
Calculate the relative strengths of the two acids.

I Solution : According to Eq. 11,

e e e

i . Strength of formic acid K formic acid _ )1-77x10’4

Strength of acetic acid  { K,aceticacid  Y1.75x10~

Thus, formic acid is 318 times stronger than acetic acid.

=318

The dissociation constants of weak acids can be determined by using Eq 9 since a, the degree of
dissociation, can be obtagned from conductance measurements, as shown in Chapter 22, by using the
expression : o = A_ /A '

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

Y] = ca = oK, /c = oK, . A12)

Example 5. A solution of 0-100 M acetic acid is found to be dissociated to the extent of 1:33 per cent at
the room. temperature. Calculate the dissociation constant of theacid at this temperature.
Solution : Percentage dissociation of acetic acid = 1-33
1 ) Degree of dissociation of acetic acid, & = 0-0133
d . Dissociation constant of acetic acid, K, = ca?/(1 - a)
: Since  is very small, hence K, = ca? = 0-1X(0-0133) = 1-77x10°5

Example 6. A monobasrc acid has a dissociation constant équal to 1-8x 10"5 at 25°C. Calculaté its. degree
of dissociation at a concentration of 0-20 M at the same temperature What will be the concentration of hydrogen
ions farnished by it ? ’

Solution : Assuming that degree of dissociation is very small,

’ ’18)(10'
= 86
02 0-0094

Thus, degree of drssocratron of 0-20 M acrd = 0-009486 )
- Further, . [H*] -—,/cK,, - S (Eq. 12)
' = J02M x 1.8 x 105 = 0001897 mol dm"® '

Dissociation Constants of Polybasic Acids. Polybasic acids contain two or more hydrogens which
can get dissociated. They always dissociate in stages. Consider, for example, the dissociation of
¥ carbonic acid :

H2C03 + H,0 V_—)

H30+ + HCO;
H;0* + co}

(First stage)
(Second stage)

The equilibrium constants K,
given by the expressions :

a, and Ky, corresponding to the first and second dissociations, are

- _ [H'J[HCO;] k, - [HCOY]
4 T T [HCO5] “ ~ T [HCO3]
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Ky and Ky, , at 25°C are known to be 4-5x 107 and 4-7x 1071, respectively. The second dissociation
constant is found to be 1/10000th of the first dissociation constant, K,, is always smaller than Ky
which shows that second dissociation takes place to a much smaller extent than the first dissociation.
Phosphoric acid is a tribasic acid. It dissociates in three stages, as shown below :

.H3'PO4 + Hzo ) Té - H30‘+-+ HzPO; - T o - (First Sng)_'
H,P0; + H,0 = H;0* + HPO}" (Second stage)
HPO‘{‘ + Hzo Té H30+ + Poz_ (Third s-tagg)

The dissociation constants Ky, Ky, and Ky, for the three successive stages are 7-52x 1073,
6:23x 108 and 4-80x 10713, respectively. :

The reason for the decrease in the dissociation constant of successive stages is that in the first
dissociation, the positively charged proton comes from a neutral molecule while in the second stage
of dissociation, the proton is detached from a negatively charged molecule and in the third dissociation,
it is detached from a doubly negatively charged molecule.

The dissociation constants of some of the common acids at 25°C are given in Table 2.

TABLE 2 -
Dissociation Constants of Some Common Acids at 25°C' _
Acid " Formula - K, K, . K,

Acetic acid CH;CO0H L5X10° S

Arsenic acid - H;As0, 7 soox10% 830x10% " 6x10
Benzoic acid CgH:;COOH 629x16° .

Boric acid H3BO; 5-80x1010 )

Carbonic acid H,C04 Bl ssaxi0? 469%10°10
- Chloracetic acid CH,CICOOH o 138x10°3 S

Dichloracetic acid -CHCL,CO0H - 5:00x102 Ty
- Formic acid ] . HCOOH 77x104 X . S et
- Hydrocyanic'acid - CHON . |- 7a0x10710 B R
Hydrogen sulphide H;S ) 5x10% . 1:20x10°1 ’

Todic acid HIO, 1-67x10°8

Oxalic acid (COOH); 50x102 518x10°3

Phosphoric acid . -'{- - PO, 1 1s2x103 623x108 - 4-8x10°1
Phosphorous acid H3PO; . leox10? | - 70x107

Propionic acid - C,H;COOH 1-34x10°5

Sulphuric acid - S0, s | roixie? _
Suphurous acid - . | Hys0, S 1mx10? .| 624x10

Dissociation of a Weak Base. Representing the formula of a weak monoacid base as BOH, its
dissociation, in accordance with Arrhenius concept, may by represented by the equation
' BOH = B*+OH ' _
Applying the equilibrium law equation, the dissociation constant, Ky, of the base, will be given by

K, = [B'HOH] . 13
.. ..[BOH]. :

assuming that the activity coefficients of various species involved are equal to unity each.
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If the initial concentration of the base is ¢ moles per litré and if « is the degree of dissociation, then,
+ e -
. BOH = B A+ OH
Original concs. : I 0 0
Equilibrium concs. : ol - a) . o e
_cxco ca’

= = (14
b l-a) (-0 4

Since, for a weak base, « is very small as compared to 1, Eq. 14, as before, is reduced to

- Ky = co? oo o=.[Klc

C[OH} = ca = ¢ [KyTc = [cK, g ...(15)
The dissociation constants of some common weak bases are given in Table 3.
o TABLE 3
. Dissociation Constants of Some Common Bases at 25°C

Base ) _Formula . K,
Ammoiia NH,OH . 1-81x1075
Axilline CHNH, . - 3:83xi010
Dimethyl amine (CHy}NH . - 5-12xlp‘4
i - Ethyl amine CHNH, > 5-60x 107
=~ " Hydrazine NH,NH, 3-00%10°
Methyl amine CH3NH, - 4-38x10*
X Pyridine CHN ) 1-30x10°°
: Quinoline CNN 630X 1010
Silver hydroxide AgOH 1-10x 10~
Trimethyl amine - (CH3):N 5-21x10™
Urea CO(NHy), 1-50x 10714

Dissocfation of Water. Water is dissociated to a very small extent ir}to hydrogen and h_ydroxy'
fons, as represented by the equation ' ; ]
" HO(M) = Hap + OH (dg)
More accurately, 2H,0() = Hy0*(aqg) + OH (ag)
Applying the law of chemical equilibrium, its dissociation constant, K, is given by .
ooy ¢ : T
R [H;0] S
" "Since dissociation takes place to a very small extent, the concentration of the undissociated
water' molecules, [H,0], may be tegarded as constant, say k. '
Kxk = [H*][OH] ()]
The product of the two constants K and k gives another constant which is designated by K. .
Hence, Eq. 17 is written as
o K, = [H*][OH} = 1-0 X 10" mol? dm™® at 25°C ~(18)
where K,,, the dissociation constant, is called the ionic product of water.

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

[H*] = [OH] = JK, =1x10¥mo?dm™® = 1x107 mol dm™
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* If a strong acid, like hydrochloric acid, is added to water, the concentration of H* ions will
become very high and, therefore, the concentration of OH- jons will correspondingly decrease so that

the product of their 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 11071 at 25°C. Whether the solution is acidic or alkaline depends upon which of the two
ions is present in greater concentration than the other. But, since knowing the concentration of one of
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 onty. Now, H* ion concent4rat10n can
vary within wide limits, usually from about 1 mole per litre (as in 1 M HCI) to about 10! mple per
litre (as in 1 M NaOH). The pH scale was introduced by the Danish biochemist S.P. Sdrensen

. (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™3, will be zero. In 1M NaOH solution,
the [OH] = 1 mol dm™3 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. —_—
Exdmple 7. Calculate the pH of (a) 0-0001 M HC solution (5) 0-04 M BINO; solution, assuming complete
dissociation in each case. -
Solution : {a} Concentration of HCl = ;0~0001 M
Since HCI is completely dissociated, hence
[H*] = 0-0001 mol dm
o = - log [HY] ;.:"-. log [0-0001] = 4
) Concentration of HNO3 = 0-04 M~ -, . .
* Since HNO; is completely dissociated, hence .
[H*] = 004 mol dm™ -
_PH = - log [H*] = - log [0-04] = 1:398

Example 8. Calculate the hydr;)gen ion concentration in moles per litre .of a solution whose pH is 5-4.

Solution : pH of the solution = 5-4
. PH ="-log [H*]
o log [H*] = - 54 = 6-600

[H*] = 3-98x10-° mol dm™

* Example 9. Calculate the pH of an aqueousrsolution obtained by mixing 50 ml of 0-2 M HCI with 50 ml
0-1 M NaOH. .

Solution : Knowing that the product of volume in millilitres and molarity gives the number of millimoles of the
acid or the base,.we have _ y L : )
Number of millimoles of the gcid in the solution = 50)(0-2“-—- 10
Number of millimoles of the alkali in the solution = 50x0-1 = 5 :
Number of millimoles of i acid.left in the solution after-the addition of alkali : =10-5=5
D v " Total volume of the solution = 50+50 = 100 mi
Thus, we have 5 millimoles of the acid in 100 mlof the solution or 0-05 mole of the acid per litre of the solution:
. Concentration of H* fons = 0-05 mol dm-? L
PH of the solution = - log H*] = - log (0:05) = 1-30
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Example 10. Calculate the pH of an a_(%ueous solution obtained by mixing 25 ml of 0-2 M HCI with 50 ml
of 025 M NaOH. Take K, =10 mol® dm at 25°C _ 7 ) v .
" Sofution : Kriowing "that the prodiict of vlume in millilitres and molarity gives the- number of millimales of the
acid or the base, we have . . o
i Number of millimoles of the acid in the solution = 2502 = §
_ Number of millimoles of the alkali in the solution = 50x0-25 = 12:5
Number of millimoles of the alkali left in the solut_ion after the addition of the acid = 12-5 -5 = 7.5
Total volume of the solutio 50+25 = 75 ml
Concentration of OH" ions *_ 7-5 x 1000 = .19 mol dm? '
' LT 75 x 1000
[H*][OH"] = 10" moi? dm at 25°C
[OH"] = 0-10 mol dm™?
(H*] = 10 mol? dm™/0-10 niol dm= = 10~ mol dm3
PH = -log [H'] = -log (0 =13 _
" Example 11. Calculate the H of 1x10”7 M aqueous solution of HCI at 25°C. Take K,, = 10 mol? dm™,
_ Solation : The student may be tempted to write down the answer as '
' ' L= - log [H']'= - log 10) =~ (-) = 7

Bm this value is not acceptable since this is also the pH of pure water ! The solution of HCI, howsoever small
may be its concentration, must have a pH lower than 7. We must, therefore, approach the problem differently.

The diésociation of water may be represented as
HO = H' + . OH

Cones. if no dissociation : c 107 0
(from HCI)
Lo Concs. after dissociation : ¢ - x 107 + » x

where x is the molar amount of H,O per litre of the solution which dissociates. .-

If we consider that there is no dissociation of water, then, [H*] contfibution come:'s only from HCL. If we recf)gnize
that a small ameunt (x mole) of water does dissociate, then the [H*} contribution would be (10~7 + x) mol dm>. Now,
at 25°C, ’ . - ' ’

K, = [H*[[OH] = 10" mol? drr® = (107 + 1) mol dm?x x mal dm™?
which reduces to the-quadratic equation
e 24107 - 101 =0
The roots, of this equation are given by ’

P U Jao ) 4 x 1079
o 2 :
Neglecting the negative root which has no physical meaning, _

-107 + 10 ¥ 14 x 101 _ o107+ 2.4 x 107

X = = 0621077 3
3 3 0 0" mol dm
¥ - H*] = 107 + x = 107 + 0-62x107 = 1-62x10” mol dm™3
: . P = ~log [H*] = - log(1-62x107) = 679

We conclude that the dissociation of H;0 increases the [H*] above that due to the acid alone. Regardless of
how dilste the solution, the pH of an acid solution is always less than 7. '

Example 12, Calculate the pH of a 2x10° M aqueous solution of phenol at 25°C. K, =1-30x10-1°,
K, = 1-008x 1014,

Solntion : The dissociation of phenol may be represented as
CHOH = CH;00 + H*
' zsHs = Cgs0
2x107% - x x x
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[
T 2x100 -1

Neglecting x in the denominator, we have
. K, = £2x10° so that x = 2X 109xEY? )
BT [HY] = @2x105XK)12 = Qx109x1-30x 1071012
= §1x10® mol dm-? .

i i i it i k acid, must have {H*]
The above answer is obviously incorrect because phenol, even though it is a very wea . ¢
greater than 1077, The error lies in the assumption that {H*] = [CgH;07] = x. Xhls_ would normalli_l_ &F.Jlﬁg_dlﬂtﬂ;
absence of any othér source of hydrogen ions. To obtain the correct value for {H*], we make use of the’ concep
electronetrality of the solution, viz.,

[H*] = (CgHs0] + [OHT]
(HY]{OH] = K, so that

for] = Ko
(H']

(CHs0] = (H*] -~ [OH] = {l“-*l -ﬁ%]
Since phenol is pfesent either as CgHsOH or ;_Janly as C6_H50'. He_me_
[CsHsOH] + [CqHs07] = 2x1075 mol dm™? |
Assuming that [C4Hs07] << [CgHsOH],
[CeHsOH] = 2x1075 mol dm3

K
HY ——“'}[H’f]
K, < [CeHsOTIHT] {[ iy = 13x1010
* ~ TIC4H;OH] 2x105 _ o
~or- [P - K, = 2X105XK, = 2X10-5x1-3x10°10 = 2-60x10-15

or  [H*P - 100810 = 2.60x 1015

. H*? = 1-268x107

o [H*) =1-126x1077 mol dm™ i

0 PH = - log [H*] = - log (1126X10°T) = 695 '

The value for [H*], viz., 1-126x10~7 mol dm= is acceptable since it is greater than 10~7, as we w?l{ld‘expec't

" be.' I ‘ . ing - i ion of a ve.r weak acid (or a ver&-;veak base),

care 'rl;:lul:t e;(: [ngiic?::f :ntga;nl: r‘r::xl:tui:al::i ?ﬁi I\’r:{hglft; l;l;tihzoztsl:;ption 'thaf_the _giyen acid or base is the only

source.of {H*] or [OH"]. . ‘ ) . : o S
- . Some Other Logarithmic Expressions. Just as pH is used to indicate hydrogen ion concen_tr:? on,

POH is used to indicate hydroxyl ion concentration. Thus, : -

POH = - log [OH] ' ...(20)

Tonic product of water, K, is also frequently expressed in a similar manner as '
' . pKy=-logk, = o . ~21)
Remembering that [I-'I-*“][OH‘] = K, and taKing ldgs and reversix_lg signs, we have Lo
" ~log [H*] - log [OH] = - log K, _ )
o pH+pOH =pK, . )

This relationship holds good for water as well as for any aqueous solution.

st

- followirig expressions :
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Since Ky, at 25°C is about 10°¥, pK,, is 14-0. Hence,
PH + pOH = 14 eY)

In other words, the sum of pH and POH is equal to 14 in water or in any aqueous solution at 25°C.

We may also represent dissociation constants of acids and bases _{K,, and Kp) in the form of the -

PK, = -log K, ..(25)
and ' PKy = - log K, . ...(26)
<. Elimpl 13, Caltulate the pH and pOH of 003 M aqueous solutioa of HCL at 25°C.

Solution : Hél. being a strong electrolyte, is completely dissociated in aqueous solution. Hence, _the hydrogen
ion concentration, [H*], is equal to the given conceritration of HCI in solution : :

[H*] = 003 M = 3x102 mol dm™3
PH = - log [H*] = - log 3X10°}) = 1-52 .
Since PH + pOH = 14 ar 25°C, :
: POH = 14 - 152 = 12.48 .
Example 14. Calculate the pH and the hydrogen'and hydroxyl ioh concetitrations of a 3-2x10-* M ‘solution °

- of Ba(OH); in water at 25°C.

Sclutidn : Ba(OH), is-a strong base which dissociates to furnish two nfo_lts of OH- .ions for one mole of the base : i
© BaOH), - —»  Ba?* + 20H- - '
Hence, [OH] = 2x32x10°% M = 6:4x10 mol dar®
POH = - log [OH] = - log (64%10%) = log 64 - log 10°
- 08062 - (-3) =-08062 + 3 = 219~
Since PH + pOH = 14 at 25°C
: ' PH = 14-219 = 1181
] = Ko _ 1:008x 10" mol? dm™
[OH']  6:4x107moldm=
Common Ion Effect. If a salt of a weak acid is added to. a solution of -the .acid itself, - the

= 1-57x10-12 mol dm?

 dissociation of the acid is diminished further; For example, the -addition -of sodium. acetate to a

solution of acetic acid stppresses the dissociation of acetic acid which is already very small. Consider
the equilibrium, - _ ’
o CH;COOH = H*+ CH,CO0~ :
The, addition of one of the products of dissociation (e.g., acetate ions) supplied by the largely

' dissocjated 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 hydrogen ions furnished by the addition of

lasge;lx disseciated acid such as hydrochloric acid, also suppresses the dissociation of acetic acid.
™ Likewise the dissociation of a 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 s'uppﬁ_es ‘ammonium ions. The

addition of a strong base like sodium hydroxide which supplies hydroxyl ions, also suppresses the
dissociation of ammonium hydroxide.. " . : -

The suppression of the dissociation of a weak acid or a weak base on the addition of its own ions
is called common ion effect.

Mixtures of Weak Acids and Salts. The hydrogen ion congentration of a mixture of a weak acid
and its highly dissociated salt can be calculated from the simple equilibrium law considerations.




720 : PRINCIPLES OF PHYSICAL CHEMISTRY
Suppose a monobasic weak acid, say, l-lA' is dissociated as '
. JHA = H+ + A _
The d1ssoc1anon constant K is given by the expressron
K, = [H*][AVHA]
or [H*] = K[HAIAT] : -(27)

Although the above equation has been derived on the basis of the dissociation of the acid HA
alone, it holds good. whatever be the source from which H* or A~ ions are derived.

Suppose there is a mixture of a weak. acid HA and its almost completely dissociated. sodmm Salt

NaA. Let ¢; and c, represent the molar concentrations of acid and salt, respectively. Since the
dissociation of the acid, which is very small by itself, is further suppressed by the presence of A~ ion
(common ion effect), while the salt is presumed to be almost entirely dissociated, it follows that the
anionic concentration

[Al=¢ .
and concentration of undissociated acid, ‘being the same as that of the total ac1d 1s given by
' (HA] = ¢

Hence, Eq. 27 becomes
or, in general,

[H*] = K, ci/ey
[H*] = K, [Acid}/[Salt]

Thus, the hydrogen ion concentration is determined by the dissociation constant of:‘the,_acid"’

and the' ratio of the concentrations of acid and salt in the mixture. Since K, is constant, it follows " '

that the hydrogen ion concentration of a weak acid decreases as the ratio [acld]/[salt] in the mrxture
decreases. This is illustrated in the fojlowing table in the case of acetic acid-sodium acetate. mxxtures '

Ratio [Acid)/[Salt] 16 4 "2 1 05 025 0 062 """"
H*]x10° 2880 721 360, 181 091 045 _ 01l
Thus, the -hydrogen lOl‘l concentration of acetic acid-sodium acetate mixture can be made to’

decrease from 28-8X10% mole per litre td 0-11x10°5 mole per litre, simply by addmg mcreasmg

amounts of sodium acetate.

Example 15. What will be the hydrogen ion concentration of a solution olmlned by mixing 500 ml of 0 20
" M acetic acid and 500 ml of 0-30 M sodium acetate ? (Dissociation constant of acetic acid = 1-75x16°). -

Solutmn Concentratlon. of acetic acid in the mxxture = 500x0 20/1000 = 0-10 mol dm3
Concentration of sodium acetate = 500%0-30/1000 = 0-15 mol dm3

[H*] K [Acid}/[Salt] .
1-75%10°% mol dmrx0-10 mol dru"/O 15 mol dm"

€2
1:17x10°% mol dm

. BUFFER SOLUTIONS

For many purposes in chemistry, industry and biology, it is necessary to have solutions whose pH
does not change much even on the addition of apprecrable amounts of strong acrds or strong alkalies.
Such solutions are called buffer solutlons

A buffer solution is one which: can reszst"change inits pH on the. addmon of an aad o7 a base.

Consider a solutlon of sodium chloridé-in water. Its pH is 7. The addmon of even 1 'mlof 1 M.
HCI solution to one litre of sodium chloride solution lowers the pH of the solution from 7 to about 3.
Slmrlarly, the addition of 1 m! of 1 M NaOH solution to one litre of sodium chloride solution raises
the pH of the solutlon from 7 to.about ll ,Sodlum chlonde -solution, therefore, i is not a buffer.

_ The pH of an aqueous solution of ammionium acetate is also 7. ‘%ut the addition of the same
amount of acid or alkali, as the one added ir the case of sodium chioride solutlon does not cause any
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" appreciable alteration in the pH of ammonium acetate solution. Thus, ammonijum acetate solution is

a buffer as it can resist alterations in its pH on the addition of an acid or a base.
Let us see why a solutlon of ammomum acetate is a buffer while that of sodium chlorlde is not.

Ammonium acetate, fike any other salt éxists almost entlrely in the form of it ions, viz., NH4
and CH;COO" ions. If an acid is added to this solution, the H* jons furnished by the acid combl_ne
with acetate ions to form feebly dissociated molecules of acetic acid :

CH;COO- + Ht —»  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 only slightly.

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

NH; + OH- —»  NHOH _
Feebly dissociated -

Since most of the OH- ions added are taken up by NHJ ions to form weakly dissociated NH,OH,

there is very little change in the pH of ammonium acetate solution.

Buffer solutions are considered to possess reserve aciditj' as well as reserve alkali.ni.ty. Thus,
ammonium acetate has reserve acidity due to the presence of NH ions and reserve alkalinity due to
the presence of CH;COO™ ions.

Now let us see why a solution of sodium chloride is notza buffer. In aqueous solution it is

 almost entirely dissociated into Na* and CI- ions. 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

. formed, is itself almost completely dissociated. If OH" ions are added to the solution, the hydrogen

jon concentration falls, i.e., the pH rises. The reason is that NaOH, lrkely to be formed, is itself
almost completely. dlSsOCIated

The capacity of a solution to resist alteratlon in its pH, is known as l[S buffer capacnty

Buffer Capacrty and Buffer Index Van Slyke introduced a quantity called buffer index, 5, as
a quantitative measure of the buffer capacity. It is definéd as

~ B = dB/dpH) .

where dB is the increment of a strong base added to a buffer SOlllthIl and d(pH) is the resulting .

increment in pH. The quantity dB is given in moles per 1000 gram of the solvent. B is always a
positive quantity. Addition of a strong acid is equivalent_to - dB, i.e., a negative increment of base
and-to-—dpH (since pH decreases-on the addition of the acid). Hence, B remains positive. - -

Most of the important buffer solutions usually consist of mixtures of either weak acids and their
salts or weak bases and their salts.

Buffer Mixture of a Weak Acid and its Salt. A very common buffer is prepared by mixing
equimolar aqueous solutions of acetic acid and sodium acetate. Acetic acid is very slightly dissociated
while sodium acetate, being a salt, is almost completely dissociated. The mixture thus contains
CH;COOH molecules as well as CH3COO™ and Na* ions. Let us consider the buffer action of this
' Suppose a strong acid is added to the above mixture. The H* ions added will be taken up
immediatelj by CH;COO" ions to form very slightly dissociated CH;COOH :

H* + CH;COO- — CH;COOH
Feebly dissociated
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Thus, the H* ions added are neutralised by the acetate ions present in the mixture. There is
;very little change in the pH of the mixture.

] If, on thfe other hand, a strong base is added, the OH- ions added are neutralised by the acetic
acid present in the mixture : '

OH" + CH;COOH —» CH;C00" + Hy0 .
Thus, again, there is very little change in the pH of the mixtiire.
It should be clear from the above mechanism of buffer action that reserve acidity of CH;COOH-

. CH3COONa buffer is due to the presence of ‘CH3COOH and reserve alkalinity is due to the presence
of CH;COO"™ ions.

If may bg of interest to note that while addition of 1 ml of 1 M HCI to 10 ml of 4 sodium
chloride solution IOW'CI:S the pH from 7-0 to about 1-0, the addition of the same amount of HCl to 10
ml of a buffer containing 1 mole of CH3COOH and 1 mole of CH;COONa will lower the pH from
4-75 to 4-66 only. :

Buffel: Mixture qf a Weak Base and its Salt.’A mixture cohtaining equimolar aqueous solutions
of ammonium hydroxide and its almost completely dissociated salt, ammonium chloride, constitutes
another good buffer. The mixture contains undissociated NH,OH as well as NH} and CI- ions. The

. buffer action of this mixture may now be considered.. . R . -

If a strong acid is added, the H* ions added are neutralised by the base NH,OH :
' H* + NH,OH H,0 + NH} ’

. If.a strong base is added, the OH- ions added are neutralised by NH} ions forming very slightly
dissociated NH,OH.

. Inthis case, evidently, reserve acidity is due to the presence of NHZ ions and reserve alkatinity
is due to the presence of NH,OH.

f—>

Calculation of pH of Buffer Mixtures  #-

A. Buffer MiJ.(ture of a Weak Acid and its Salt. Henderson-Hasselbalch Equation. Consider
flrs_t a buffer solution containing a weak acid HA and its highly dissociated salt NaA. The hydrogen
_ -lon-concentration of such a solution. is given by the equation e o

(Eq. 28)

[H*] = K, [Acid]/{Salt]
Taking logs and reversing the signs, we have
- log [H*] = - log K,.+ log ([Sait]/[Acid])
or’ PH = pK, + log ([Salt] /[Acid]) ' (29

This equation, known as Henderson-Hasselbalch 'equation', enables the calculation of pH of a

buffer solution made by mixing known quantities of a weak acid and its salt. Alternatively, it enables -

calcu}ation of the ratio in which acid and salt must be mixed in order to get a buffer solution of a
definite pH. . g

Example 16: What would be the PH of an aqueous solution obtain;ad by mixing 5 gram of acetic acid and
;Z;Sacgl:al_xll ;)sf s;g:sum acetate and making the volume. equal to 500 mal ? Dissociation constant of acetic acid at
( is 1 X . . ’ .

Solution : .
In this case,

PH. = pK, + log ([Salt}/{Acid)
| PKa = - log Ky = - log (1T5%10%) = 476

fsat] -= (L3 x 1090). _ 6.1609 mo
=152 % 500.) = 01829 mol dm3

(Eq. 29)
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[acid = (SK00) - e motam 7

H = 476 +40g . . 4g)
PH = 470 +%08 G166 = _
Example 17. A buffer solution contains 0-2 mole of acetic acid and 0-25 mole of pptassium.ai':epgte per
litre, Caleulate thie change in' jH of the solution'if 0°5 ml of 1M HCI is added to it.. The dissociation constant
of acetic acid at room temperature is 175105, (The volume change on the addition of HCI may be neglected).

Solation : pH = pK, + log ([Salt)/[Acid]) (Eq. 29)
PK; = - log K; = - log 1-75%10°% = 476

PH of the solution before adding HCI will be given by
. 0-25 i
PH = pK,; + log e 476 + 00969 = 4-8569

Amount of HCl added = 0-5 ml of IM HCl = 0-5 millimole = 0-0005 mole
Assuming HC! to be completely dissociated, the amount of H* ions added will be = 00005 mole
The addition of H* jon will result in the reaction
CH;CO0" + H*. —>  CHyCOOH
i.e., the amount of acetic acid will increase and that of the salt will correspondingly decrease by 0-0005 mole.
. After adding HCI, 2 - : '
[CH;COOH] = 020 + 00005 = 0:2005 mol dm? -
and [CH;COOK] = 0-25 - 0-0005 = 0-2495 mol dm™
(The change of volume resulting from the addition of HCI is negligible) , ‘

H = pK, + log ({Salt}/[Acid]) = 4-76 + | M—4~8$49
. pH = pK, + log ({Salt)/[Acid]) = 02 To005 T
*. Change of pH = 4-8569 - 4-8549 = 0-002

We sec that there is only a slight change in the pH.

Example 18. Calculate the pH before and after the.addition of 0:01 mole of NaOH to 1 litre of a buffer
solution that is 0-1 M in’ acetic acid and 0-1 M in sodium acetate. The dissociation constant of acetic acid is
175X 10°5. L. - : .

Solution : Prior to the addition of NaOH,

[CH;COOH] = 0-1 M ; [CH;CO0} = 0-1 M
H = K .l [CH;CO07]
PR = PRa T 198 [ CH,CO00H]

pKy = -log K, = -log (I'15%10%) = 476

Using Eq. 29,

_ 01 : ' L
PH = 476 + log. 57 = 476 +dog 1 = 476 + 0 = 476

After the addition of 0-01 mole of NaOH, some of the acetic acid is neutralized so that the concentration of the
weak acid is diminished while that of the salt (the acetate ion) is increased. Thus, we have
{CH;COO0H] = 01 - 0-01 = 0-09 mol dm™
[CH;C007] = 01 + 0-01 = 0-11 mol dm
Hence, the pH of the buffer is given by '
pH = 476 + log g—; = 476 + 0-087 = 4-847

We see that the pH of the buffer solution increases very slightlj.
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' B. Buffer Mixture of a Weak Base aud its Salt. If a buffer solution consists of a mixtire of a
weak base and its salt, it can be easily shown that

[OH] = K [Base]/[Saly) _ _
- ~ POH = pK; + log ([Salt]/{Basé]) = * _ -.(30)
Knowing pOH, the pH can easily be calculated from the well known relationship :
PH + pOH = pK,, = 14. _ R : .
Example 19. A buffer solution contains 0-20 mole of NH,OH and 0-25 mole of NH,CI per litre. Calculate
the pH of the solution. Dissociation constant of NH,OH at the room temperature is 1-81x10‘.5.
Solution : POH = pKy + log ([Salt}/[Base]) '

i (Eq. 30)
PK; = - log Ky = - log(1-81x10%) = 47423

025
POH = 47423 + log 5= = 4439
PH = 14 - 4839 = 9161

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

Salts are strong electrolytes. When dissolved in water, they dissociate almost completely into
positively charged jons (cations) and negatively charged ions (anions). In some of the salts, the anions
of the salt react with' H* jons furnished by water thereby lowering the concentration of H* ions in
solution.” Since the ‘product of [H*] and OH- ions is constant {[H*]J[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 qﬁ;fbns of the ‘salt react with OH- ions’ furnished by water
‘thereby lowering the concentration of OH-

H* jons 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. : . : .

_Hydrolys'is may also be considered as the reverse of neutralisation. Neutralisatioﬂ, as we know,.
involves combination of H* and OH- ions yielding undissociated water, i.e., it involves almost complete

. disappearance of H* and OH- ions. Hydrolysis, on the other hand, leads t the formatien of-H*-or
OH" jons, as discussed above. ) :

« For a study of hydolysis, it is convenient to divide the salts info 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 acetate.
3. Salts of strong acids and weak bases, such as ammoniunr chloride and ariline hydrochloride.

4. Salts of weak acids and weak ‘bases, sugh as ammonium doetite. U

1. Salts of Strong Acids and Strong Bases. Salts of strong acids and strong bases do not hydrolyse.
Consider, for example, potassium chloride. When it'is’dissolved in wate, its ions, K* and CI", have
no tendency to react with the H* and OH- Jons of water. This is because the possible products of
quph__igtgract_iqn_s,‘_namely,_ KOH and HCI, aré-themselves almost cbmpletelgydissociated. Corsequently,

PR

b i

iops in solution. Since K, is constant, the concentration of -

10
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i i i e solution continues to remain
there is no change in the concentration of H* or OH" ions and the solution

neutral. Thus, salts of strong acids and strong. bases do not undergo I}yd{olysis. o

2. Salts of Weak Acids and Strong Bases. Salts of this .'category undergo hydrc;lyscils.;&?wgallt\::i
alkalil.le solutions. Consider sodium acetate as an example of thls_ category. When filsso v_eA in:
it undergoes almost complete dissociation into Na* and CH3CQO" ions.

CH;COONa CH;C00" + Na*

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

CH;CO0- + Ht —»  CH3;COOH B
i issoci intain the t value of K, = .
undissociated water further dissociates so as to maintain the constan X (
The 1!}15 ions are again taken up by CH3COO™ ions. This 1ead§ to an increase in the co;lcentr;et:(‘))r:n gsf
hydroxyl ions and decrease in the concentration of hydrogen ions. The solution, therefore,
akaline. - - - L. . . ) o ‘
Thus, the aqueohs solution of the salt of a weak acid and a strong base is alkaline because of
hydrolysis. . . ) '
Hydrolysis Constant. The hydrolytic reaction of sodium acetatlg.may be written as
CH;CO0™ + Na* + H,0 = CH;COOH + Na* + OH" |
Since, Na* jon i$ common on both sides of the’equation, it may be left-out and the equatloq may

—

be represented as &
" CH3CO0~ + HO &= OH- + CH3CQOH
Unhydrolysed sait B Free 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 .

. [OWTJICH,COOH] .~ " )
~ [CH;C007] .
K, is known as hydrolysis c_onstant.

i ' uitimately when. the equilibrium of
Relation between K, K, and K,. It should be notz?d that m: .
hydrol;tic reaction of CH3C06Na is 9s’:ablished, the following two equilibra have also to be satisfied :

CH;COOH = CH;C00™ + H". 7
. _ HO0 = _H“‘ + OH.‘ .
Therefore, the following equations should also hoid good :

K

_ [H'J[CH,C00™] e
®"  [CHCOOH]
where K is the dissociation constant of the acid and -
| K, = [H*]OH]

Dividing Eq. 33 by Eq. 32, we get . -
K, _ [OHJICH;COOH]
K, [CH)C007) - h N
. = K,/ : : (4
Thes, Ky = Ky/Kq ; dissociati ons'tam(x)
ident] i ies i ly as the: dissociation ¢ a
tly, the hydrolysis constant K, of the salt varies inversel e
of thEev\l:l; icid. T‘h};iefo}r’e, the weaker the acid, the greater is the hydrolysis constant of the salt.

(from Eq. 31)




726 PRINCIPLES OF PHYSICAL CHEMISTRY

Degree of Hydrolysis. Let ¢ moles per litre be the initial concentration of sodium acetate in
aqueous solution and {et X be th'e degree of hydrolysis which is defined as the fraction of the total
salt that has under_gone hydro_lyl's1§ on the attainment of equilibrium. Rewriting the hydrolysis equation
as before and putting the equilibrium concentrations of the various species, we have

CHyC00™ + H0 == CH,CO0H + O =~
. ol-x) . cx &
Ky = FXex cx?
c(l-x) 1-x

If x is small as compared to fmi;y, (1 ~ x) in the above equation may be replaced by | so that

Kh=o? oo x=[ETc -35)
But, Ky = KK, (Eq. 34)

x = (K, K. x0) ' ..(36)

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

andlm a strong base at_any Concentration ¢ of the salt provided the dissociation constant X, of the acid
is known, - - '

It a!so follows from Eq..36 thag the weaker the acid @.e., the smaller ‘the value of K,), the
greater is x, th‘e.degre.e .of l_xydrolys1s. 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

Eemperature._ La_stly: it is seen that the degree of hydrolysis increases when concentration' (c) decreases,
L.e., when dilution increases.

Example 20. Calculate the degree of hydrol, ms of 0-10 M solution of soditm_ ° =] 5
K= 10080104 ] y ution of sodium acetate at 25°C. K,=1.75x10"5 and

1-008x 10714
=K =
& = KK, 1-75% 107

Assuming that the degree of hydrolysis (x) is small,

. 5:75x10710 .
L e s

Solution : =576 x 10710

Thus, the degree of hydrolysis = 7-580x 105

PH of the Hydrolysed Salt Solution. As shown above, in the hydrolysis of CH éOON
[OH'] = cx. Substituting the value of x from Eq. 36, we have ydroly 3 a,

1 L
[OH] =¢ X, )2 = | Kuc |2
7 : K \ &
Taking negative logs of both sides, we get
POH = 1 pK, - L10g ¢ - L pk,
But PH + pOH = .14

PH =14~ 3 pK, + Liogc + %pKa - : _ .37

K =l§1l?ol¢;§pxi %.}Msalculate the pH of 0 01 M aqueous solu.t.xop of CHyCOONa at 25°C (K, for CH;COOH = 1-75x10°5).

Solution ; PRy = - log K, = - log (1O0BX 10 = 13.997 = 14

PEy = - log K, = - log (1-75%10%) = 476
loge =1log (109 = =2 -
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Substituting in Eq. 37, we have
PH =14 - 1(14-0) + £(-2) + $(4.76) = 838
The pH shows that the solution is alkaline, as expected. :

*' 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” ions. The
ammonium ions take up OH- ions furnished by water to form the feebly dissociated base, ammonium
hydroxide (NH,OH). The undissociated water further dissociates so as to maintain the constant value
of K,,. This causes an increase in the concentration of hydrogen jons and a decrease in the concentration
of hydroxyl ions. The solution, therefore, becomes acidic. :

Thus, an aqueous solution of a salt of a weak base and a strong acid is acidic because of
hydrolysis.
Hydrolysis Constant. The hydrolytic reaction of ammonium chloride may be represented as
NH; + CI" + H0 = NHOH + CI + H*

Sitice CI" ion is' common on both sides of the équation, it may be left out and the equation may
be represented as :

CNH;  + HO = NHOH + . H'
Unhydrolysed salt Free base  ». Free acid
Applying the law of chemi¢al equilibrium, we have .
K, = [H*] [NH,OH]/[NH}] Lo .(38)

K,;, as already mentioned, is known as hydrolysis constant.

Relation betwegl__; Ky, K; and K, The following other equilibria also exist in the solution :
NHOH = NH] + OH"
- and . - HO = H'+OH
Accordingly, the following equations should also hold good : -
K, = [NH{HOH"]/[NH,OH] .(39)
where K, is the dissociation constant of the base and e . :
L K, = [H*][OH] _ . ..(40)
Dividing Eq. 40 by Eg. 39, we get . )
o ' K,/Ky = [H*]INH,OHI/[NH]] = K, (from Eq. 38)
Thus, K =KJK, E 4y
It is evident that the weaker the base, the greater is the hydrolysis constant of the salt.

Degree of Hydrolysis. If c is the initial concentration of the salt in moles per litre and x is the

- degree of hydrolysis on the attainment of equilibrium, then the concentrations of the various species
&t equilibrium will be as represented below : '

NH; + H0 = NHOH + H*
c(l -x) o [~
_ axXa
k=)
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If, as before, x is too small as compared to unity

K=ot L - L .{42)

or x= JKjc = JK /(K,,xc) (from Eq. 41) 83)

As in the previous case, the degree of hydrolysrs 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 Kj, the degree of
hydrolysis at a given concentration increases with rise in temperature. :

Example 22. The dissociation constant of NH,OH ut 25°C is 1-81x16°5. Calculate the degree of hydrolysis
of a 0-01 M solution of ammonium chloride. K,, at 25°C=1-008x 1014,

k, - 1008x107"
K, 1-81x 107
Assummg that the degree of hydrolysrs X is very small,

Solution : K = =5-569 x 10710

1 =JKle (Eq. 43)
~ ’5-569 x10710 '
) = T = 2359)(10’6
PH of the Hydrolysed Salt Solution. As shown above, in the hydrolysis of NH,CI,
MH*] =
Substltutmg the value of x from Eq 43, we have -
£ 172 A )
HY]=c| S| =|Tw .44
Fa K,
Takmg negative logs of both sides, ' .
pH =7 L pK,, -r—log c- pr o . ()|

Example 23 What would be the pH of 0:01 M solution of NH,Cl in water at 255C 7
(K, for NH;OH=1-81x10"5).

Solution : ~pK, = ~ log K,, =~ log 1-008x10" ='13997 = 14
o PRy = - log Ky = - log (I81x10%) = 474
T loge = 'log (109 = -2
Using Eq. 45, P = 3(14-0) - $(-2) - +(4- 74) =563

The pH shows that the solution is acidic, as expected.

4. Salts of Weak Acids and Weak Bases. Salts of this category may be exemplified by ammonium
acetate; The NH and CH3COO- ions furnished by the salt combine with OH- and H* ions of water,
respectively, to form feebly dissociated NH,OH and CH3;COOH. The reaction may be represented as

 CHCO0" + NH; + H0 = CHCOOH + NH,OH
Unhydrolysed Unhydmlysed . ' Free acid Free base
salt a o

In this case, both it and OH- jons ‘are removed. srmultaneously and if they are removed in

equivalent amounts, as in the present case, !he solution remams neutral although hydrolysrs of the
salt has taken place

The equrlrbrrum law equation for hydrolysrs constant in rhe presem?fase may be written as
_ [CH,COOH][NH,4OH]
[CH3CO0™ 1{NH}]

g

...(46)

12
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The following other equilibria also exist in the solution :
_ CHCOOH = CH;CQO" + H*
NHOH = NH} +OH"
H0 = H'+OH

Accordingly, the following equations should hold good :
_ [CH3COO0™][H"]

g .47
[CH,COOH] , :
K, - INHJJ[OH"] .{48)
[NH,OH]
= [H*][OH"] ...(49)
Drvrdngq 49byEq 48aswellasbyEq 47, we have
K, _ [CH3COOH1[NH4OH] “Ky - (from Eq. 46)
K, xK, [CH;COO™ J[NH} ] L
Thus, in this case, ' K,, = _K . ) ...(50)
K X Kb

If the 1mtral 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 :
CH;CO0™ + NH} + H;0 = CH;COOH + NH,OH
c(l-» c(l-x o cx cx
h = 2 ’ = Vx2 ) ...(51)
-2 (-x? S
Neglécting x as compared to unity, we have

...(52)

7 K, = 2 o |
oo . x=.K, = ’K Xwa (from Eq. 50) ' _ L {53

lt is evident from Eg: 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 increaseswith rise of temperature.

Example 24. Calculate-the degree of hydrolysis of decimolar solution of ammonium acetate at 25°C. Dissociation
constants of -acetic acid and ammonium hydroxide are 1-75 %105 and 1+ 81x10‘5, respectively, at 25°C. K, at
25°C = 1-008x1014,

Solntion : Ky =—fw (Eq. 50)
K XKb
14 e
- MO im0
175%107 x1.81x 10
. Iz
In the present case, K= —(1~x)2 (Eq. 51)
.- . xz
. 5 =
o 3IBXI0 =
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= V3182 x 107
1-x
If x is very small, it may be neglected as compared to unity,
= Degree of hydrolysis, x = J_3-1sz x107% = 5-64x10? . ..
PH of the Hydrolysed Salt Solution. For the dissociation of a weak écid HA,
K, - [H'1{A"]
[HA]
If the initial concentration of the acid is ¢ and x is the degree of dissociation, then

L LY S S {55
Kaa = R R 59)

From Eq. 51, x/(1 -x) =,/KTl

12
HY] = &, [T, =K,,( K, j

-.(54)

KK, (from Eq. 50)
; S \1/2 ’ '
\ & ...(56)
Taking negative logs of both sides, »
PH =Lpk, + 10K, - %pK,, (87

From Eq. 57 we see that if K, and K, are equal, then PH ='%pKw = 7, that is, the so_llition is
neutral in spite of the fact that the extent of hydrolysis may be considerable.

Determination of Degree of Hydrolysis. A number of methods for determining degree of hydrolysis
* are available. Some of these have been discussed below.

1. Indirect Method. The simplest though indirect method Més use of the relationships that

exist between_degre_e of hydrolysis of a salt, the jonic product of water and the dissociation constant _

of the- weak acid or weak base from which the salt is obtained: The various equations have been
reproduced below : - e ' . R ’ :

X ‘L for asalt of a weak acid and a strong base) (Eq. 36)
VExe
X = K, (for a salt of a weak base and a strong acid) " (Bq. 43)
) Kb xc o -
L X= (for a salt of a weak acid and a weak base) (Eq. 53)
Ka X Kb .

_ Knowing dissociation constant of acid or base (K, or Kp) or both, as the case may be, it is a
simple matter to calculate the degree of hydrolysis of a given salt at a given concentration. The
concentration, however, has no effect if the salt is of a weak acid and a weak base.

iample 15. Calculate the percentage hydrolysis of sodium acetatein 0:1 M salation at 25°C assuming that the
salt is completely dissociated, K, of acetic acid at 25°C = 1-75% 10, Tonic product of water at 25°C = 1:008x 1014,

Solution : The degree of hydl;olysis X of a salt of a weak acid and a strong base is'given by o

io (R
VYExe .

(Eq. 36)

113
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Al
R

. -14
=]f LO08x 10T 7589 10
. 1-75x 107 x 0-1 .
~ Percentage hydrolysis = 7-589% 10~ i _ .
’ Eiamplé 26 The 'disoci:‘it.ibh constant of aniline as a base at iS’C is 593x10°1%, The ionic product of water
at 25°C is 1-008x1074, Calculate the percentage hydrolysis of aniline hydrochloride in 0-1 M solution at 25°C.
Solution : The degree of hydrolysis x of the salt of a strong acid and a weak base is given by

r= [ Ko . (Eq. 43)
Kb X e -

_ | _1.008x107
5-93x10710 x 0.1
Percentage hydrolysis = [-30

=130 x 1072

Example 27. The dissociation constants of aniline, acetic acid and water at 25°C are, respectively, 3-83x 10710,
175x105 and 1-008x 104, Calculate the percentage hydrolysis of aniline acetate in a decimolar solution,

" Solution : The degree of hydrolysis x of a salt of a Weak acid and a weak base. is given by

x |_Ki . (Eq. 53)
K, x K, : L

X
_J 1-008 x 10714
1-75 x 107 x 3-83 x 1010

N ? .
- But, x cannot be greater than T. This indicates that the degree of hydrolysis in this case is very large and,
therefore, the above formula, which is based on the assumption that x is small, is not applicable

=1219

In the present case, therefore, we have to calculate x as follows :

S (Eq. 50)
Kabe
2
Bu . N A : . . {Eq. 51)
] (1= x)? .
: % 129 o

x = 0-5495

[

1-x 7 K, xK,
Percentage hydrolysis = 54-95

2. Electrical Couductance Method. The electrical conductance of an aqueous solution of a salt .
of a weak-acid or a weak base is due partly to the jons of the unhydrolysed salt and partly to the ions
(particularly H* or OH- ions) formed by hydrolysis. Consider, for example, a salt of a weak base -

* and a strong acid,. say, ammonium chloride, If x is the degree of hydrolysis, then,-for every one mole

of the salt, the number of ‘moles of the various species at equilibrium will be as shown in the
equation below :
NH,C! + H;0 = NH,OH + HCI
1-x x x

Ammonium hydroxide, being a weak base, may be taken as undissociated and to contribute little
or nothing towards the total conductance of the solution. The molar conductance of this solution A,
as determined experimentally, will be the sum of the conductance of 1 - x moles of ammonium chloride
and x moles of hydrochloric acid. :

An = (1= X)Ay + X Apreyy : «(58)

where A;(HC” is the molar conductance of hydrochloric acid at infinite dilution and Ay is the
molar conduc/ta"nce of the unhydrolysed salt at the given concentration. The value of Ay, Is obtained
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by adding excess of the nonconducting or very slightly conducting ammonium hydroxide (base) to the
-salt solution. This suppresses the hydrolysis of -ammonium-chloride-to such .a large extent that the.
molar condiictance of the solution can be taken as Ay, i.e., the conductance of the unhydrolysed salt.

From Eq. 58 it follows that

e tmAn ‘ (59
Aty ~ Am : . .
Thus, all that is to be done is to measure the conductance of the sait golutlon bef?re (Aa‘“) and

’

after the addition of excess of ammonia (A;). Then knowing the value of Agucy (= A+ + Ag-), ¥
can be evaluated. .
This ‘s known as Bredig’s method. .

i i ssion. Freezing point depression, as is well known, is a colligative
propzhyndzl;legggz l:fl; 3;:::31‘1? l;leumber of molecgu{:es and i%_ns present in tl_}e giisst_)lved stte. _Sup?o.se. ._
that the salt under examination is sodium acetate and that one mole of it is dissolved in a given
amount of the solvent. Let x be the degree of hydrolysis. Then the number of moles at equilibrium
will be as shown below : ~

CH,C00- + Na* + H0 = CH;COOH + Na* + OH
1-x 1-x x x X
Total number of moles = 1 -x + 1 -x + 3x =2+x

Observed freezing point depression _2+x
Calculated freezing point depression 2
Thus, by determining the freezing poim depression of a solution of 2 known concentration experimentally,
the degree of hydrolysis x can be easily calculated. .
Example 28. 10 gram of ammonium chloride {molar mass=53-5 g mot™!) when dissolved in. 1000 gram of . water

lowered the freezing point by 0-350°C. Calculate the degree of hydrolysis of the salt. The'unhdrolysed
taken as completely dissociated. The molal freezinf point depression constant Ky of water is 1-36 K kg mol

Kpwa (Chapter 22)
Myw,
__ (186Kkg mol)10x10%kg)  _ OUTK ’
} ~ (53-5%107 kg mol!)(1000x 10 kg) - .
Let x be the degnee of hydrolysis of ammonium chloride. Then, the number of mol§ of various species at equilibriu
will be as_shown below : N L .
o NH] + OF +H0 = NHOH + H* + CF
l-x  1-x : x x x
Total number of moles = loxtl-x+I=2+x
Observed fréezing point depression 2 4 x
Calculated freezing -point depression ~ 2

It

Solution : We know that the freezing point depression, ATy =

0-350 - 2+x
M 2
Aox =007

_ 'i:hils, the degree of hy.'qmlysis'of NHC = 0017 H .
4, From Distribution Law. The degree of hydrolysis of a salt can be determined by the application
of disttibution law, provided. the free acid-or free base formed during hydrolysis is soluble in an

The-salt. on hydrolysis yields free aniline which: is soluble in water as well as in benzene and
- hydrochloric acid which remains. soluble -only in water. On adding a small :amount of benzene, the

salt may be .

-~ used to determine pH over the range 8-3—10. - -

" immiscible solvent like benzene. The hydrolysis of aniline hydrochlorid&®inay be taken as an-example.

{ONIC EQUILIBRIA 733

free aniline distributes itself between the two solvents, as
shown in Fig. 1, in accordance with the distribution law. BENZENE

The concentration of aniline in the benzene layer can be " CeHsNHy
determined experimentally (by evaporating. a known amount | | . R
of the solution .or by titrating against an' acid) and its WATER R R

concentration in the aqueous layer is calculated knowing the
value of its partition coefficient between water and benzene.
The amount of free hydrochloric acid must be equal to the —

total amount of free ani)l,ine produced and is, therefoge, obtained CeHgNHyCIH+HON = C"I’ISNT}%‘:
by taking the fotal of aniline in benzene and in aqueous layer. :
This, divided by the volume of water, gives the concentration

of free hydrochloric acid in the aqueous layer. Subtracting

this value from the initial concentration of the salt, the

concentration of the uphydrolysed salt is obtained.

The hydrolysis constant K is then calculated by the usual equation, viz.,

CHsNHa+H0

Fig. 1: Hydrolysis of aniline .
hydrochloride.

Ky = [ Free aniline in aqueous layer]| Free HC1}
[ Unhydrolysed salt}
Knowing Kj, the degree of hydrolysis x can be calculated by the relation,

X =1' Kh_lc

where ¢ is the initial concentration of the salt in moles per litre:

Acid-Base Indicators o 3

A hydrogen ion (or acid-base) indicator is a substance’ which changes its colour within limits
with variation in pH of the solution to which it is added. This gives an easy method of determining
PpH.of a solution by simply adding a suitable indicator and noting the colour. The pH range, over
which the colour change occurs, varies considerably from one indicator to another. For example,
methyl orange gives full acid colour (red) when added to  solution the pH of which is 3 or below
and full basic colour (yellow) in.a solution whose pH is 4-4 or above. In solittions having pH between
3 and 4-4,-methyl orange gives a ¢olour ‘intermediate between red_and yellow. Thus, the pH range-
over-which methyl orange can be used as an indicator liés between 3 and 4-4. .

' Phenolphthalein, another common indicator, gives acid colour (colourless) in a solution of pH 8-3
or less and full basic colour (pink) in a solution of pH 10 or above. Thus, phenolphthalein can be

Theory of Acid-Base Indicators o ) : :
..~ Ostwald developed a theory of acid-base indicators which, though incomplete, offers a simple

-explanation for’ the colour change with change in pH. According to this theory, a hydrogen ion

indicator is either a weak organic acid or a base. The undissociated molécule has one colour and the
ion furnished by it, on dissociation, has another colour.

Let the indicator be an acid of formula HIn. Then, its dissociation in solution may be represented as
Ho = H' + I - .{60)
Colour 4 Colour B

The undissociated moleciile HIn has one colour, say, colour A, while the ion In~ has another

colour, say, colour B.
The equation for the above equilibrium may be written as
: 3 e
Ky = L0 ] ~A61)
o . [HIn] .
Ky, is known as the indicator constant.

P simmmeetu s

SR
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Since the species In~ and Hin have different colours, tlfe actual cqlour showx_l b){ thi i:llilglc?;or
will depend upon the hydrogen ion concentration of the soluqon. 'I.’hus, if the solu;wfrtl 1sT l?e ind’i ca'tt(.);
it contains excess of H* ions, the equilibrium m Eq. 60 will shift towards the left.
will, therefore, show predominantly colour A (acidic colour).

. . +
On the other hand, if the solution is atkaline, i.e., it contains excess of OH- ions, the H™ ions

furnished by the indicator will be taken upfo form undissociated water. Therefore, the equilibrium in .- ..

ill shi right and there will be larger concentration of the fons In". The
m.iéz?t?)rvxilil,sg:ge;ggr:lfo;h ;red%minantly colour .B (basic colour). Eg. §0, thulsl;a T}xccessfully explains
the change of colour of an indicator when the solution changes from acidic to a mc:. . o

i in. Phenolphthalein is a colourless weak acid. It dissolves, In Water &
dissoﬁ::z;l tgfsgrlzlzn::lcgghtaol egive colour[l)ess hydrogen ions and pink coloured anions. The equilibrium
may be represented as : : -

HPh = H+ + P.h'

(Colourless) (Colourless) (Pink) . .

The actual state of affairs is not so simple. Phenolphthalein, or any other indicator, first tund:lr;gn(:;st

a reversible tautomeric change into a substance of a different colour which then dslzs?:l?hzs-case s
‘completely to give the- coloured anjons or- cations, as the case may be. The proce ¢ cas

phenolphthalein may be represented as . o . ©

Hh = HPh* = HY o+ P A63).

Colourless (Coloured tautomeric form Cotourless Pink - :

But, since the concentration of the undissociated molecules of the tautomeric form s :;ually very

small, the simple dissociation equation (Eq. 62) given above is Sufﬁclel.lt for most PurpOSf - f

If the solution is acidic, the hydrogen ions furnished -by the. acid suppress th_c;, 31850(:11::::23) r(;

phonlptlei, g the g vt 0 8 CORLRE, B S e wi e
ins { . e presence of an i, , oxyl 10nS CO /it the

;zmag‘;m?l::gr;;ssthemmﬁcagor to form undissociated water. The equilibrium, til:&ref;)lr:l,s st:;lgsi rtlg‘iﬁrtgi

the right giving more of the coloured anions.‘_The SOl}lthIl, therefore, turns pink. 1 us, &
appears colourless in acidic and pink in alkaline solution.

...(62)

The reason why phenolphthalein is not-a suitable indicator for titrating a weak base, like ammonium .

hydroxide, against a-strong acid is that the hydroxyl ions furnished by the weak base at the end point

of the titration are too few to shift the equilibrium sufficiently towards the right to raise the pH.to

8-3 at least and, therefore, pink colour does not appear just at the end point. A sufficient excess of

the weak base has to be added to get the _end point. o
" Action of Methyl Orange. Methyl orange is a weak base which, for §impli_city, niay be ﬁp;zﬁgtzg
as MeOH. It dissolves in water and undergoes dissociation to a s.mall_. extent. The ui t: i
molecules are yellgﬁv while the cations Me* are red in colour. The dissociation may be. written .
MeOH = . Me* + OH
Yellow " Red Colourless o . "
If the solution is acidic, the hydrogen ions furnished by the acid‘c.on?bine with g)Hﬂ_]:lorrlis fll:mlisvliig
by the indicator to form undissociated water. This shifts the equlllprx.unx_ towards the dg lo%l e
more of the red coloured Me* ions. Therefore, in acidic solution, this indicator gives re Hco ur. 1o
the presence of .an alkali, the OH" jons suppress the dissociation of -methyl orange. rence,
solution in alkaline medium remains yellow in colour. _ :

Methyl -orange cannot be used as indicafo_r for titrating a weak. acid, like acetic acid, against a

sfro_ng pase because the hydrogen ions furnished by the weak acid at'thié end point are too few to combine -

i i ions hyl orat ift the equilibrium in favour of the red
with a sufficient number of hydroxyl ions of methyl orange to shift the equ vou
coloured Me* jons. A sufficient-excess of the weak acid has to be added to get the end point.

" nurmber of indicators including methyl orange, methyl
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] Som; common indicators togegher : ., TABLE 4
with their useful ranges and extreme Somie Useful Indicators
colours in acidic and alkaline solutions

are given in Table 4. Indicator | pH range Colourin | Calour in
: . acidic solution- | alkaline solution
Acid-Base Titrations and Use of —
Indicators. The process of acid-base | Cresol red-(acid) - | 412-1-8 . } . Red . : Yellow-
titrations is accompanied by a change | "-Cresol pumple 1218 | Red : Yellow
in pH. A plot between PH of the Thymot blue (acid) 12228 Red Yellow
solution during titration and the amount Bromophenol blue 3146 Yellow Purple
of acid (or alkali) added from a burette | Vel orenge 3143 Red Yellow
is called a titration curve. Meyled = -\ 4263 Red Yellow
K i Bromothymiol blue " 60-76 Yellow - . Blue
Indicators are frequently employed | phenol red 64-82 Yellow. [ Red
in detecting end points in acid-base | Cresol red (base) 70-8-1 Yellow Red
titrations. Since, on account of | Thymot blue (base) 8196 Yellow Blue
hydrolysis, the pH at the end point | Phenophthalein 80-9:8 Colourless Pink
depends upon the relative strengths of | Thymolptthalein 93-105 Calourless Blue
the' acid and the base being titrated | Alizarine yellow 10-1-121 Yellow Lilac
and since different indjcators haye

flifferen.t PH ranges witliin which t'hey"car{ be used; the selection of a proper indicator for a given titration
is very important. The pH changes occurring in some acid-base }anﬁons may be first considered.

Titration of a strong acid against a strong base. The titration of a strong acid with a strong base
may be illustrated by the reaction of hydrochloric acid and sodium hydroxide. Suppose, 25 ml of 0-1 M
HCl is to be titrated against 0-1 M NaOH. The equivalence or end point will, evidently, occur on the
addition of 25 ml of the alkali solution. The pH values of the solution '9t'different stages of neutralization
.are plotted-graphically as in Fig. 2 against the increasing amount of the alkali added. It is seen that pH
changes very slowly at first and rises from 1 to only about 4 when such a large amount as about 24-99
ml of the alkali solution has been added, i.e., when about 999 per cent of the acid has been neutralised.
Further addition of such a small amount as 0-01 m! of the alkali raises the pH by about 3 units to 7.
The acid is now completely neutralised. Further addition of such a small amount as 0-01 mi of the
sodium hydroxide solution (0-1 M) will amount to adding fre¢ hydroxyl ions and the pH will jump to a
value above 9. Thus, near the end point, the titration ~—— m——
curve is almost vettical and there is a rapid change of | [T . - ' T 1
PH from 4 to about 10, : o

i 10 -
Now an indicator is suitable only if it undergoes a

change of colour at the pH prevailing near the end

point. A reference to Table 4 shows that there are a

Bromo‘thymol
_blue |

red, bromothymol blue and phenolphthalein which can
undergo colour change within the pH range 3 to 10,
Thus, while titrating a strong acid with a strong-base;—
any of the above indicators may be used to detect the
end point. The pH ranges of these indicators are also
shown in Fig. 2 for corvenience of reference.

<eic aeid

I;te-th—yio-ra-ng—e-

9

8

7

6
st

4
3 i acid

5| Hydrochloric 22

_ Titration of a weak acid with strong base. The 1
uu-atlop of a weak acid like acetic acid, against a strong
bgse like sodium hydroxide, is inctuded in Fig. 2. Tt
will be seen that the vertical portion now-does not begin | - . I
until beyond pH 7 and the end point lies somewhere Fig. 2. The pH titration curves of different acids with

between pH 8 and 10. This is due to the Hydrolysis of | "o, s PH ranges of grgeugmtors

I
0 5 10 15 20 25 30 35
VOLUME OF ALKALI ADDED
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sodium acetate. This, being a salt of a.weak acid and a strong base, gives excess of free O idhs in
aqut;:lo:ls solution dl'l]t: to hydrolysis. Hence, phenolphthalein will be a satisfactory indicator but not
methyl orange, methyl red or even bromothymol blue. Thymolphthalein (Table 4), tho t

* common, is another suitable indicator. for such titrations. ymop e (T .).’ . ugh.?o ®

' Fig. 2 also includes a titration curve for the titration of boric acid against sodium hydroxi

’I:lus titrz.ation curve does not show any sharp rise in pH. This is because lﬁrlﬁ:s acid is so )\,vdt::k l?i‘tz
dissociation constant being 6-0%1071%) that its salt'sodium borate formed during the reaction gets
very l.argely hydro[ysed giving alkaline solution. The pH, therefore, goes on rising continuously and
Ehefe is no sharp rise at the equivalence point. Hence, there is no abrupt change in the colour of the
indicator for the addition of a small amount of sodium hydroxide at the equivalence point. Thus, the
acids with dissociation constants less than 10~7 cannot be successfully titrated. ) ’

Titration of sedium carbonate with hydrochloridc acid. [,
Tl'le titration curve obtained on reacting sodium carbonate 4
with hydrochloric acid is shown in Fig. 3. It shows two inflection | | &
points. One of these indicates the conversion of sodium carbonate Y
into bicarbonate-: - - : -

. o ) 8 First""\4,
N2,CO; + HCl  ——>  NaHCO; + NaCl inflection \%,
. §LPH=8'5 9

This is completed at about pH 8-5 and phenolphthalein | i
can be used to detect the end point. The second. point of

inflection indicates the neutralisation of sodium bicarbonate : or " Second
ECon °
NaHCO; + HCl - —»  NaCl + CO, + H;0 | 2f inflectin

This_ rcactiqn gets completed at pH 4-3. Therefore, methyl
orange is a highly suitable indicator in this case while
phenolphthalein is not of any use. ¢ '

| 1 ] 1 1. i
) § 10 15 20 25 30 35
VOLUME OF HC1- ADDED
Fig. 3. The pH titration curve§ of
sodium carbonate: with a strong acid.

Mathematical Treatment of Acid-base ‘_'l‘itrations
. The pH values‘.-obtained'_experimgntallyr'én different stages of an acid-base titration can -also. be
calculated mathematically, as illustrated below, (The value of K,, in these calculations is taken as 10™).

. Suppose we are titrating 25 ml of a solufion of HCI (0-1 M) against a.u standard (01 M) solution
of NaOH and we want to calculate pH values of the titration solution after the addition of 20, 24-9,
24-95, 25-00,.25-05. 25-10 and 30 ml of NaOH solution. This is done as follows.

Initial pH of the titration solution, viz.,-0-1 M HCI = - log [H*] = -'log (0-1) = 1-0

. Since the product of volume in ml and the concentration in mol dm™ (i.e., molarity) of a solute

. givgs the amount of the solute in millimoles, hence, .
Amosku}t of HCI initiall_y present in the titraﬁon solution = 25x0-1 = 2-5 millimoles
- The dmount of NaOH in 20 ml of 0-1 M solution added during titration
="20X0-1 = 2-0 millimoles

Amount of HCI left in the titration soluti -addi : =125220=0
millimple  titrad ‘:c.m_ on addlgg 20 ml of NaOH = 2-5 - 2:0 = 05
~. Concentration of HCl or of H* ions in the solution =0_5x190_2 ‘mol dm™3

- x 1000

. H of the titration solution = - log [H+;]q_=_.:‘;- log (3—;) =195 |

. &
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Proceeding as above, the pH of titration solution on the addition of 24-9 and 24-95 ml of NaOH

solution comes out to be 3-70 and 4-00, respectively.
- On the addition of 25 ml of NaOH, the acid is completely neutralised giving NaCl. The pH of

the resulting solution is, therefore, 7. : . : :

On adding 25-05 m! of NaOH, the additional volume of NaOH = 0-05 ml

Amount of NaOH in 0-05 mi = 0-005 millimole

0005 1000 moldm->
1000 5005
[H*][OH] =10 at 25°C
1074 x50.05

0-005

Hence, pH = -log [H*] = 10-00

Proceeding as above, the pH values of the titration solution after the addition of 25-10 and 30 mi
of NaOH solution come out to be 10-30 and 10-96, respectively. B

It is evident from the pH values calculated as above that the pH increases from 1 to 4 on the
addition of 24-95 ml.of NaOH. Around the point of equivalence, the pH increases from 4 to 7 by the
addition of a single drop of NaOH and then from 7 to 10 by the addition of another drop of NaOH. In-

other words, around the end point there is a sharp change in pH from 4 to 10 just by the addition of 2
drops of NaOH solution. We 'shall, thus, select an indicator which undergoes a change in colour in

Concn. of NaOH or _OH‘ ionis =

[HH] = =1.00x107" mol dm™3

- the pH range 4 to 10. As can be seen from Table 4, methyl orange as well as phenolphthalein are

suitable indicators in this case. _

_ Now suppose that we are titrating 25 ml solution of acetic acid (0-1 M) against 0-1 M solution of
NaOH and we want to. calculate the pH values of the titration solution after the addition of 20,
24-90, 24-95, 25-00, 25-05, 25-10 and 30 m! of NaOH solution. This is now.done as follows.

Amount of CH;COOH present in solution = 25X0-1 = 2:5 millimoles .,
_ Since acetic acid is a weak acid, its H* ion concentration is given by the relation
[H+]=,[ ¢k, , where c is the molar concentration of the acid and K, is its dissociation constant. '
-, The initial concentration of H* ion in 0-1 M CH3;COOH solution

=0 1x1-75x 107 = _1-32x10‘3 mol dm™3
pH = - log [H*] = - log (1:32x10°3) = 2:88

During titrétion, CH;COOH gets converted into CH3CQONa.. The pH of the titration solution
would thus depend- upon the concentration-of CH;COOH left and of CH,COONa formed during titration.
In a mixture of a weak acid and its salt, the pH is given by the relation

H =7pK. + lo [Salt] (Eq. 29)
PE=PRa T8 Thga1

With the addition of 20 ml of NaOH solution, the amount of NaOH added to the titration

solution = 20X0-1 = 2-0 millimoles
" Amount of CH;COONa formed = 2-0- millimoles -

Since volume of the solution'is the same for both CH;COOH and CH;COONa, the ratio of their

amounts in millimoles can be taken as the ratio of their molar concentrations.

- pH of the titration solution = 4.76 + |og%'_(5)_ = 536

(K, of CH;COOH = 1-75x10° .. pK, = - log K, = 4'76)




138
PRINCIPLES OF PHYSICAL CHEMISTRY

-Proceedmg as above the the 1tration 0. 4'9 4‘9
] ) ’ pH Of titr:
. { S lutlon on the a.ddltlorl Of 2 0 a.ﬂd 2 5 ml Of

27 .'=.0.  mol dm=3. Qi ‘

000 % 50 . 05 r.nol dm™; Since CH3COONa is a salt of a strong base and
' tlo gtve an alkaline sofution whose PH is given by the relation
p =l4—7pKw+%(logc)+-2‘—pK,,

=14-Ly¢
- 14-4 (l4)+%10g0-05+%(4-76) =873
ith the addition of 25-05 mi of NaOH, the amount of free NaOH‘
= 0-1X0-05 = 0-005 millimole

<. Concentration of OH- ions du i i 0-005 00
! € to this addition = —— L =
000 < 30.05 = 0:0001 mol dm-3

lons due to the hydrolysjs of CH3COONa is given by the expression -

. ’ T\
[OH] '=(Lwc) (10 0.5 3
X, 175105 ol dm

= 0-534X10° mol dm™® which is pesfio:
T mol s negligible as co : 3
Total concentration of [OH"] = 0-0001 mol dm-3? R oL mol g
[H*)[OH] = 10-14 5 25°C
[H*] = 10"/0-0001 = 10710 oy dm?
The pH of the titration solution on the addition

of 25-10 and 30 ml of NaOH soluti
1030 and 10-96, respectively. solution would be

added to the titration solution

Concentration of OH-

Titeat TABLE 5
ltrations of 0-1 M HCI and 01 M CH. COOH
solutionis against 0-1 M NaOH solutison

The data obtained for the titration of 0 'nf |-

, tration of 0-1 M | Volume of - in the Gitratio:
gglw?nlgagl-; M] CH3COOH solutions against"| NaOHo' L values fn the fitration of
Table s, o von Bave been summed up in | added i | Bl solation | CH,COOH solution

RN . Lo - 000 1 .
- égocPaIn. be seen, the pH in the case of | 2000 1.(9)2 -
. 0_3 H is hlgher at each stage upto the end. 249 Y >3
(% l;néo’gus. Is evidently due to the hydrolysis of 295 370 716
- i3 Na fomed during the 't:_i.;raﬁ()n‘ ) s | 4-00 : 7'.46
i s oo you et | 25 |’ | o
ed would b imi )
(o those shown exrler Fig 3. e exactly similar 3105.;3 1030 10:30
; . 10:96 1096

.Example 29. 50 ml of a solution of acetic acid (0-1 M) is being 12
B i o T i

Solution : The H+ ion | . % " . ,
Ao FRHaRAS = QLXLTSXA0Y? < 13ax10 ot g e
Thius, the initial pH of ki sitration Qolu}id: f: ;3;. eIy ~2m - |
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The amount of acetic acid initially @sent in the titraion solution =. ?,ijo-l = 5 millimole. During titration,
CH;3;COOH gets converted into CH;COONa. The pH of the titration solution would thus depend upon the amount of
the acetic acid left and the sodium acetate formed during titration. In the case of a mixture of a weak acid and its
salt, the pH is given by ‘the well known relation. : N

PH = pK, + log [Salt]/[Acid]
. With the 2ddition of 30 ml of NaOH solution, the amount of _NaOH_édded to the titration solution = .30x0-125
= 3-75 milliniole. o B ' . ER - e e .
g Amount of CH;COONa formed = 3-75 millimoles
1-25 millimoles
I . [Salt]
PH of the titration solution = pK, + log [Acid]

Amount of CH3COOH left behind

Since the volume of solution is the same for both the acid and the salt, hence the ratio of their amounts in
millimoles can be taken as the ratio of their molar concentrations.

3.75
Thus, PH = 476 + log 1o = 5%

Proceeding as above, the pH of the titration solution, on the addition of 39-9 ml and 39-95 mi of NaOH solution
would be 7-34 and 7-46, respectively. On the addition of 40 ml of NaOH solution, the acetic acid is completely
neutralised, the resulting product being CH;COONa. The amount of CH3;COONa formed would, evidently, be
40x0-125 = 5-0 millimoles. Since the total volume of the titration solution is 50 4+ 40 = 90 ml, hence the concentration

of CH;COONa would be 31000 =5/90 mol dm™. Since CH;COONa is a salt of a strong base and_-a weak
acid, it would get hydrolysed to give an alkaline solution whose pH is giver} by the relation
pH=14-Lpk, +Llogecripk, .
=14 - L (14 + L log (5/90) + - (476) L'gas
With the addition of 40-05 ml of NaOH solution, the amount of free NaOH added to the titration solution

N ) . ). .. -_ 0-00625 1000
=-0-125%0-05 = 0-00625 millimole. Hence, concentration df OH" ions due to this addition = 1000 X 90-05

= 0-000069 mol dm3. Concentration of OH- ions due to the hydrolysis of CH;COONa is given by the expression
2 14 12 ) :
o [oH = {Rue )T 2 (XG0T | g563x10°8 mol dmS
' K, 175 x 107
-, Total concentration of OH~ ions in titration solution = 0-0000746 mol dm=
[H*[OH} = 10-'% at 25°C .
- -14
(H*] = - 10
00000746
= pH of titration solution = - log [H*] = 9-87
Proceeding as above, the pH of titration solution on

TABLE 6

Titration of 0-1 M CH;COOH against 0-125 M NaOH
Volume of CH;COOH solution = 50 m!
. Strength of NaOH solution = 0-125 M _

mol dm3

the addition of 40-10 and 50 ml of NaOH solution would
‘be 16+16 and 12-10, respectively. Voll_lme of NaOH pH of tifration
Comments. It is evident from the calculations solution added @) solution
" made as abave that the pH increases from 2-88 to 000 2-88
7-46 on the addition of 39-95 ml.of NaOH solution, 30400 - 524 B
Around the end point, the pH increases from 7-46 3900 ’ 734
to 8:75 by the addition of a single drop of NaOH
and then from 8-75 to 9-87 by the addition of another 395 746
drop of NaOH. Thus, around the end point, there | . 00 - 875
*is considerable increase in pH from 7-34 to 9-87 | 4005 -.9:87
by the addition of just 2 drops of NaOH. An indicator 40-10 10-16
which changes colour in the pH range 7-34 to 9-87 | 5000 ° 12'.10
would be a suitable indicator in this titration. As

can be seen from Table 4, phenolphthalein would be a suitable indicator but not methyl orange.
The data obtained for the titration of 0-1M CH;COOH against 0-125M NaOH have been summed
up in Table 6. ’ '
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_ SOLUBILITY PRODUCT
Solubility Product. In a Saturated solution of a salt, there exis
the excess of the solute and the fons furnished by that part of the
Consider, for example, the case when a sparingly soluble salt, like
A very small amount dissolves and the rest. o

chloride is in equilibrium with silver and chloride ions furnished
This may be represented as

_ _.f\gCl(.\', satd. soln.) =
Applying the law of chemical equilibrium, the
- a,  xa

by the dissolved silver chloride.

Ag*(ag) + Cl(ag) :
equilibrium constant would be given by

K=_fgt o .(64)
. Bpgct
Since activity of a solid is taken as unity by convention, the above expression may be put as
Ky = N ...(65)

Ky is known as the_solubility product of silver chloride. It is

Very often, in Practice, it is more con
The constant is then known as concentration

Ky, = [AgHc
) W

_ ...(66)
here the square brackets, as usual, represent the concentrations of the entities enclosed within. In
the case of sparingly soluble salts since the ionic concen

trations are very low, activity of each ion is
almost equal to'its concentration. Hence,
' Ky = K,

i.e., solubility product is almost equ
any serious error, we may write

Constant at a gi\}en temperature.
venient to use concentration terms instead of activities.
solubility product, denoted by K. Thus,

‘ ...(67)
af‘to concentration solubility product. Therefore, without introducing

Ky = [AgHIICL] :
ulphate, another sparingly soluble salt, the foll,
AgySOy(s, sard, soln.) =
The solubility product will now be given by ¢

- Ko = [Ag*PIs02]
« «Similarly, the solubility products in the case of AI(OH); and As,,
- Kp=[AP*][OH}? and Ko = [ASFPS2P, respectively. o
' Consider,--in general, a salt of the type A,B, which dissociates as

' AB, . = a4 yB*
The solubility product of the salt is now given by

o Ksp = [Ay+}x [Bx-]y

Ths, the solubility product of a s
given by the product of the concentrati
the ions occur in the equation representing the dissociation of the electroiyté
_ _It may'be_.'mentioned in particular that?T the solubility product principle can also be applied to
Saturated solutionis of Jreely soluble salts, For example, in-the case of ‘a saturated solution of sodium
chloride in which some solid '

In the case of silver s / owing equilibrium exists :
2A8™(ag) + SO} (ag)
he expression

S3 would be Siven by the expressions

- ...(68)
paringly soluble salt forming a saturated solution in water is
ons of:the ions raised to a power c;_sgal to the number of times

NaCl is also present, the following equilibrium exists
NaCl(s, satd. soln). . ;& Na*(ag) + Clag) - g

PRINCIPLES OF PHYSICAL CHEMISTRY

ts a dynamic equilibrium between
solute which has gone in solution.:
silver chloride, is added to water,
f it remains in the solid state. Here the solid silver
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The true solubility product constant is given by the equation
Ky = gt X% .
and the concentration solubility product is given by the expression
Ky, = [Na*][CI] \
However, in this case, the activities are considerably less th'an the concentrations. This 1ls :)u; to
high ionic concentrations which enhance interionic effects. Ky, is, therefore, no longer equa P

Apart from this mathematical difference, the solubility product principle is as valid for spari.ngly
soluble as for freely soluble electrolytes. :

The solubility products of some of the common sparingly soluble substances are given in Table 7.

TABLE 7
Solubility Products of Some Sparingly Soluble Substances
o . 50
Substance Ky, at 25°C Substance Ky at 25°C _Sulfstance 1 K at 2 ;;
ms " 34x102 | caco, 48x10° | AtoH), 8-5xig_”
Cds 3-6x1028 $rCO; 1-1x10710 Zn(OH), 1-8% o
Cus "8:5x10% Ag,C0; 615x102 - | Mn(OH), 40x1 #
HgS - 41%x107% ALS 1:6x107% Mg(OH), 12x 1(1)0-10
MrS . 1-4x10™10 HgBr, 8:0x108 AgCl 1:(5):;0_12
ZaS 12x10% . AgBr 77x1071 Ag,C10, ? o
. -8 - BaSO, .

15X 1072 Pbl, 1-39x10°8, ' xio
gfs 30x10% Hgl, 32x10% -g TICl 20x10
Fe(OH); 1-1x 1078 Agl 0-94x10716

Relation between Solubility Product and Molar Solubility of a Sparingly Soluble Salt. For the

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

AB(s, sard. soln) = A*(ag) * B‘(ag) o L
T the molar solubility, of the salt is s, then .
. [A*] = s mo! dm™

[B] = s mol dm™ L
Hewe, Ky = [A*]B] = (s mol dnr®)(s mol dor%) = & mol? dmS |
: . Exan-:l.ale-SO. The solubility (;nf silver chloride in. water at 25°C is 0le)179 g per litre. Calculate its solubility.
product at 25°C, . . - 00017 gdm"3 o
o ilver chlori A= ————ET2_ = 00000125 mol dm
Solution : Solubility of silver chloride = 0-00179 g dm™ = 1435 mol |

The dissolved salt would be present in the form of ions so that
[Ag*] = [CI] = 0-0000125 mol dm™ .
32 = 1. 10 mol? dm
Kp = [Ag*ICI] = (0-0000125 mol dm™)" = 1-56x107° mol
' ; -11
Example 31. The solubility product of magnesium hydroxide Mg(Oﬂ)z_ a;t 25°C is 1-4x1071, .Calculate the
solubility of magnesium hydroxide in grams per litre ? (Mg=24, 0=16, H=1) .
Solution : The solubility equilibrium in this case will be
Mg(OH)y(s, satd. soln.) = Mg?*(ag) + 20H(ag)
Let the solubility of Mg(OH), be s:mol dm3. :
¥ Concentration of Mg?* = 5 mol dm™




trc

Now, for each Mg2+ fon, two OH- jons are produced

H fons = 25 mo] g3
Ky Mg?*][oH-j2
- 52P = 12xg0u \
) or 453 = gyt
.?ozummy qf Mg(QH)z = 144X 10 mo] gy

- Concentration of 0

-

o 5= 1-44x10~ mol dm-3

- . = 1443904 mol dm3x58 g e !

! molt= @ 3
Example 32, Calculate the solubility in grams I

e . Per litre of 4y i i
Solution : The solubility equilibrium in thig case Nt el s

would be written a5

Al(OH,
)3 (s, satd, soin) = AP*(ag) + 30H (ag)

is the solubility of the salt, then
Kp = [AP*]OHP = ) = ¢

* 7 2 < B sxi0n L g gy 108 3
- m )
= 0:749% 108 mo| g3 0

X78 g moll < 5843 107 g dm?

If & mol dm-3

Applications of Solubility Product Principle

so.l t:l' Determination of Solubilities of §
Uble salt, say, silver chioride
may be takep \

be s mole per litre each, -

paring]

concentrati

Theref ili
Cretore, solubility product K of silver chloride will be g b
given by

y l oy . . . V
”eﬂC.e SO ublhty Of Sllve[ CthIlde 1S Iela[ed to the Solublll' .t.y plod llCt by [he expless on
s = 1' KSD e ‘ ’ 1

. X _ Ky = afa +-5)
ince, both ¢ '
; _ @d b are known, the solubility product of silver chiorid
ence, solubllity_ of silver chloride = 4 K, rﬁbie per litre |
. .. ’ . . l e

2. Predicting Precipitaf; ! the & .

tation Reactj Vi : f 5ol prod
soludle sy cipi | Reactions., With the kng ili
ol i no’[. v{te can predi e onS n wl_edge of S(?l}lblllty product of a sparingly
Le., the product of ¢q
the substance, W,

€ can easily be obtained.

ncentrations of jts jo
€ may take an example, P

CaCly per litre, It 1o or B 25°C is 2:4x10°5 M2, 4 ¢
i0/Two solutiony v S required to precipitate calcium-s?lmfe °tfyh?§§
Lo Uric acid of concentrations 0-00] M ang 0-02

B
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i ly Solul;le Salts ;Su o6, ili s

. is 5 mor ! . S8, Suppose, solubility of i

25 compictey tissocien [h:)[e:h Iitre. Since jts concentration wiil bg quitae sspmar;?gl'y
e on of both silver and chloride ion: v’nlllt ’
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Suppose we mix, in the first iné%éance, equal volumes of the hard water and sulphuric acid of
lower concentration. Will calcium sulphate be precipitated ?
The solubility equation for calcium sulphate may be written as

CaSOy(s, said. soln) =2 Ca*(ag) + SO (aq)

Ky = [C*[S02] = 2:4X10°5 M2
(Ca®*] in water = 0-01 M
Since volume is doubled on the addition of sulphuric acid solution, hence,
[Ca?*] in the mixture = 0:01/2 = 0-005 M
Concentration of sulphuric acid = 0-001 M
{S0;"] =000l M
Since volume is doubled when mixed with equal volume of hard water, hence,
(S0%°] in the mixture = 0-001/2 = 0-0005 M '
The product of concentrations of ions L ) )
[C**)[S02"] = 0-005 Mx0-0005 M = 2:5x10°6 M2
E.ﬁdentlg', ‘the ionic product is less than the solubility prdd_uct of 'CaSQ, which is equal to
2:4x10°5 M*.- Therefore, precipitation of calcium sulphate will not, geeur.
Now, suppose we mix equal volumes of hard water and su"l'phUric acid solution of the higher
concentration (0-02 M). .
[Ca?*] in the mixture = 0-01/2 = 0-005 M
[S02"} in the mixture = 0-02/2 = 0-0L M _
The fonic product [Ca>*][SOZ"] = 0005 Mx0-01 M = 5x10°% M?
The ionic product now exceeds the solubility prodhct of CaSO;. Hence, calcium sulphate will be
precipitated. . ‘ o L S
" Example 33. 25 ml of 0-01 AgNO; solution is mixed with 25 ml of 0-0005 M aqueous NaCl solution. Determine
if the precipitate of AgCl will be formed. Given K,(AgCl)=1-7x10"10 M. . L
----- Solution : Since the volume of the solution affer mixing is doubled and AgNO; and NaCl are strong electrolytes’
which are completely dissociated in solution, we have . o
- [Ag*] = 120001 M) = 5x10° M
[CI] = [/2(0-0005 M) = 2:25X10*M _
fonic product = [Ag*][Cl] = (5x107 M)(2-25><lO.‘f'M) = 1-125% 106 M2
Since ionic product > K,(AgCl), the precipitate of AgCl.wi'Il be formed-

Example 34. 25 ml of 4x10-° M solution of Ba(NO3); is mixed with 500 ml of 5x10"5 M solution of
9,50, Will a precipitate of BaSO, be formed ? K,(BaSO,) = 1-08x 1010 M2,

“Solution : After mixing, the total volume of the solution is 525 ml.
Since Ba(NOj); and Na,SO, are strong electrolytes, they are completely dissociated. Therefore, we have

[Ba2*] = 4x10°% Mx(25/525) = 1-90% 10 M
[S0%"1 = 5x10°% Mx(500/525) = 4-76x10°5 M
Tonic product = [BA‘H][soﬁ‘] = [1-90X 106 M} [4-76x10-> M] = 9-04x10-!! M?
Since ionic product is less then Ky,(BaSO,), the precipitate of BaSO, will not be formed.

/
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: 3. Fractional Precipitation. Consider an aqueous solution of KC1 and KI to which AgNO; solution
" is added. Since K (Agl) is less than K, (AgCl), hence, Ko,(Agl) will be exceeded and Agl will be
precipitated first : .

Ata) + ) — Agle 4
Ag*ag) + Cr(ag) —> AgCle)!

1 _ Ky(AgD  0.94x107
[C] K, (AgCh) ~ | 5gx10-0

Ky = 0-94X10°16
K, = 1-56x10710

= 6:0x 107 ~ 1070

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 :
[Ag*] = Ko (AC) _ 1:56 x 10710 :
[crj [CI7]
/At that point both Agl and AgCl will start precipitating simultaneously.

4. Preferential Precipitation of an Insoluble Salt. Silver chloride is ‘insoluble’ or sparingly
- 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 + Ki = Kd + Agl
Sparingly soluble _ Sparingly soluble 5

take place towards the right, i.e., would thé precipitate of silver chloride change into the precipitate
of silver iodide ?

For answer, it is necessary to Jook to their respective solubility products.

Solubility product of silver chlé_ride

Kypagoy = [Ag¥IICIT] = 1:56x10°10 (Table 7)

X
‘and that of silver iodide, CT A ) - :
Kopaagn = [Ag*III} -~ = 0-94%10716 (Table 7

[CI] 15610710 p
[F] ~ 094xio® - 166x10

This means that at equilibrium, the _c_oncéritra{tic;n of CI" ions .in solution is more than. a million
times greater than that of I” ions. In other words, practically nothing of the I" ions 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 solﬁbility pfoduct gets precipitaied in preference. Silver
iodide has lower solubility product-than silver chloride. Therefore, the former gets precipitated in
preference to the latter. ' :

5. 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
" equilibrium &xists ;- g . LT

: ' NaCl(s, said. soln.) == Na*(ag) + CI(ag)
| Kip = Nat]iCr] |

HCI gas is pgsééd -through this sdlutiz)n. The [Cl‘], therefore, ‘iﬂCi%‘é&S considerably. Hence, the
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ionic product exceeds the concentration solubility product of NaCl and, therefore, it precipitates out
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 out of soap which may -
be considered as sodium salt of stearic acid for simplicity. The following equilibrium exists :

Ci7HysCOONa(s, satd. soln.) ==  Cy7H3sCO0(aq) + Na*(ag)
K,, = [C;H35C00][Na*]

Some sodium chloride is now added. The [Na*], therefore, increases. Hence, the ionic product
exceeds the concentration solubility product of sodium stearate. The soap, therefore, separates out
from solution.

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

a. Precipitation of sulphides. Hydrogen sulphide is a weak acid. Its small dissociation

"HyS = 2H*.+ S

is further suppressed by the addition of dlute hydrochloric acid (common ion effect). Therefore, the
concentration of $2- jons which was already small, becomes smaller still. But even then it is larger
than that required for the solubility products of sulphides of copper, cadmium, bismuth, arsenic,
antimony ‘and tin, to be exceeded. Therefore, these cations get precipitated as sulphides in acidic
solution in the Second Group of qualitative analysis.

But, as the solubility. products of sulphides of nickel, cobalt, manganese and zinc are comparatively
higher, the sulphide ion concentration in the presence of hydrochloric acid-is smaller than that required
to cause their precipitation. These-cations, therefore, do not get precipitated in Group II. Since they
require a larger concentration of sulphide ions, a highly ionised sulphide, such as ammonium sulphide,
is added (or which is the same thing as passing hydrogen. sulphide through ammoniacal solution). By
this means, the product [Zn?*][S>7], for example, in solution exceeds the solubility product of zinc
sulphide: Therefore, zinc sulphide gets’ precipitated. Similarly, the sulphides of mickel, cobalt and
manganese, which all appear in Group IV of qualitative analysis, get precipitated. ’ )

The solubility product of cadmium sulphide is greater than that of the other sulphides of the
Second Group. Therefore, the sulphide ion concentration in this case should not be made very low. In
other 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.

b. Precipitation of hydroxides. Advantage is taken of the fact that'solubili'ty products of hydroxides
of iron, aluminium and chromium are much smaller than those of magnesium, zinc, etc. .

Ammonium hydroxide is a weak base, Its ionisation '
NHOH = NH] + OH"

is further suppressed by the addition of largely ionised ammonium chloride (common ion effect). But
the OH" ion concentration, although extremely small, is larger than is required to exceed the solubility
product of hydroxide of iron, aluminium or chromium. These cations, therefore, get precipitated as
hydroxides in Group III of qualitative analysis in the presence of excess of ammonium chloride. But
zinc or magnesium cations do mot get precipitated (as hydroxides) in the presence of ammonium
chloride since their solubility products are much higher. : .

7. Other Precipitation Reactions. The concept of solubility product also helps in explaining why
a moderately weak acid is able to produce a precipitate when added to a solution of a salt of a weak
acid but not when added to a solution of a salt of a strong acid. For example, oxalic acid will cause
complete precipitation of calcium acetate as calcium oxalate but not that of calcium chloride or
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calcium nitrate. The reaction in this case is
(CH;C00),Ca + HyC;04, ——  CaCy04 + 2CH;COOH

o s 2+ 02—
The concentration of oxalate ion (C,0%") is sufficient to make the fonic pfrodu::l [i(s:aver]y[(s:lzi ° ﬁtl)lr
reafer than-the solubility- product of calcium oxalate. ’I.’he_acet_gc acu.i.th?t is ol:_'mt e etiy”
igonised and, therefore, it cannot alter the ionislatipn offor:llll_c ac::]iﬂ :gl::l 1; ;nll:;dr(sycrhlogric acid that is
i xalic acid is added to a solution of calcium , the | 10 that
?gzgie:if’ish?a‘:;;;r’io?ﬁsed and the increase in the hydrogen ion concentration will sup;;;gzs tt:ee ;{(;qe::gt;gg
of oxalic acid. Therefore, the oxalate ion concentration fa.ll§ bc_:low the vglue ;ig;léie o iﬁcofnﬁlete.
solubility product of calcium oxalate. As a result, the precipitation of calcium _

i i id ions. 1t
8. Dissolution of Precipitates of Phosphates, Carbonates, Sulphides, etc., mbﬁ;;?essoi?ltlg)hides,
is well known that the precipitates of salts of weak acids, sus:h.as phosphates,fcsa:mng aéih e
are soluble in dilute hydrochloric or nitric acid but the precipitates of salts o ,
chiorides and sulphates, are not.

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

. ZnS(s, satd. soln.) \_T\_ 7+ ag) + (@)

. Ty . 3 'ons
If a largely dissociated acid such as hydrochloric acid or nitric acid is added, the hydrogen ions

combine with sulphide ions to form hydrogen sulphide, -
' H + s — HsT R
i uili
which, being a sparingly soluble gas, will escape into the atmosphere. Therefore, the dynamic eq!

‘ i i ill pass into °
between solid zinc sulphide and its ions will be disturbed and more of the solid ZnS will pa

solution as Zn** and S?" ions. The sulphide ions will again be taken up by pydrogliltli olr(:[:lsltitl?nat?ei;l?
hydrogen sulphide gas, and so on. In this way the whole of zinc sulphide passes into so

precipi i ingl
“Consider barium sulphate as a representative of the second category of prec1p1ttsat?s, i.e., sparingly
soluble salts of strong acids. When added to water, the following equilibrium exists :

BaSO4(s, sard. soln) © =, Ba**(ag) + S037(a) -

A . : o e - . : ‘able to
The added H* ions (through the addition of hydrochloric acid or aitrie agldzh;vriélforzzt tt)gea:bz 1
remove sulphate ions since sulphuric acid formed.is very largely ionised a_nd,_ e I;ydrochloric
equilibrium is not materiaily disturbed. Consequently, barium sulphate does not di
acid or nitric acid. o coe :

Tonic Equilibria Involving Complex Ions - '

" Asis well known, AgCl, which is only sparingly soluble in water, dissolves completely in aqueous.

i : ‘ Cl.
ammonia solution. The increased solubility is due to the formation of a SOll{ble ;o&lﬁze[;ggﬁs‘zzsl:
The various equilibria involved in the dissolution of AgCl in aqueous ammonia soiu

0 AgClls) = Ag*(ag) + Cl(ag)
: Ky, = [Agticr} -

(i) Agt + 2NH; = [Ag(NHal* -

| o . (Compex fon)

e equilibrium cotistant for reaction (if), ‘desi_gnated' as stability constant, -K'stabrt of the complex
ion, is given'by . S .

_ [Ag(NH;),T" .

7 [Ag IINH; P

i IONIC EQUILIBRIA @ ] 747
Adding reactions (i) and (ii), we have o

(i) ASCl(9) + 2NH; = [Ag(NHy),J* + CI

The equilibrium constant for the overall reaction (iii) is given by

K, - ASONH) TICIT _ (AS'OT AN, ' _
[NH; P [Ag*]INH, I

- The complex ion formed in reaction (i) is highly stable, the stability constant being as high as

g 1-67x107. The forimation of 2 stable complex ion in reaction (i) upsets equilibrium (i} thereby

causing it to shift to the right according to Le Chatelier’s principle. As a result, AgClI(s) dissolves
completely on the addition of excess of aqueous ammonia. ’

Ksp Ks!ab

Example 35. Calculate the molar solubility of Zn(OH)
KyTnO)=1-8X10717 5 Ky, of [Zn(NHy)J2* =1-64x 101
Solution : The solubility equilibrium in this case is represented as
® Zn(OH)y(s) =  Zn*(ag) + 20H-(ag)
S ' " Kp = [Z0*JOH = 118x1017
L@ 4 ANHGe) = aNHgRt

; in 1 M ammonia solution at room temperature..

:.l .
2+ . "
Kooy = ———[aniﬁ'{:’ )l . Y
[Za""J[NH;]

The overall reaction is obtained by adding reactions (i) and (ii) :

Zﬂ(dH)z(S) + 4NH3(¢{q) = (Zn(NHp),** + 20H-(ag)

. I-4x x 2%
_ [ZH(NH3)4 ]2+[0H-]2 [Zn2+][OH-]2[Zn(NH ) ]2+
Ky=—m—22 2 1 = 3/4 =K. K
“ [NH3]4 [Zl‘l2+][NH3]4 sp Hstab

If x is the molar solubility of Zn(OH), in | M NH; solution, then, at equilibrium,

'[NP_{3] =1-4: [0H] =2 and [ZoNH) P = x,

L 2
Ky = % = 43 (since 4x << 1)
- x)

4 =K, = Ky Ky, = (l-sxlq-”) (1-64x 101
* = 419x10° mol dm3

Example 36. Caleulate the solubility of Mg(OH); in (i) pure water (ii) 0-01 M NaOH and (iii) 0-01 M
Ba(OH),. Given K, of Mg(OH); ="1-2x 101! M, - -

Solution : (i) The solubility équi[ibrium in this ca.se‘is A;epfesented as -

Mg(OH), (s, sard. soln.) = Mg¥*(ag) + 20H-(aq)

Ky = [MZZ*IOH)? = 5252 = 453
Hence, the molar solubility s is given by

5= (KB = (12%10°1 M43 = 1-442x104 M ‘
(i) NaOH, being a strong ele(;trolyte, will suppress the dissociation of Mg(OH), due to common ion effect,
thereby decreasing its solubility. ) ‘ ‘
Let &' be the new molar solubility of Mg(OH), in the presence of NaOH. Then
Mg**] = ¢ ; [OH] = 001 + 25

21




