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Show understanding of, and apply the Arrhenius theory of acids and bases.
Show understanding of, and apply the Brensted-Lowry theory of acids and bases, including the concept of
conjugate acids and conjugate bases. '

Show understanding of, and apply the Lewis theory of acids and bases (including non-aqueous system,
e.g. reaction between BFs and NH3s).

Explain qualitatively the differences in behaviour between strong and weak acids and bases in terms of
the extent of dissociation.

Explain the terms pH; Ka; pKa; Kb; pKb; Kw and apply them in calculations, including the relationship Kw =
KaKb.

Calculate [H*(aq)] and pH values for strong acids, weak monobasic (monoprotic) acids, strong bases, and
weak monoacidic bases. [Calculations involving weak acids/bases will not involve the solving of quadratic
equations.]

(i) Explain how buffer solutions control pH.

(i) Describe and explain their uses, including the role of H2CO3/HCOs-in controlling pH in blood.
Calculate the pH of buffer solutions, given appropriate data.

Explain the choice of suitable indicators for acid-base titrations, given appropriate data.

(i) Describe the changes in pH during acid-base titrations and explain these changes in terms of the
strengths of the acids and bases.
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n Introduction

(a) Strong acids and weak acids

An acid can be classified as strong or weak, based on its extent of dissociation in aqueous

solution.

Strong acid Weak acid

Definition | A strong acid is one which undergoes | A weak acid is one which undergoes
complete dissociation in aqueous solution. | partial dissociation in aqueous solution.

Examples | HCl(aq), HNOs(aq) CH3COOH(aq), HCN(aq) _
Equations | HC/(aq)— H*(aq) + C/(aq) CH3COOH(aq) = CH3sCOO(aq) + H*(aq)
or or
HCl(aq) + H20(l) s Hs0*(aq) + Cl-(aq) CH3COOH(aq) + H20(l) & CHs;COO(aq)
+ HsO"(aq)
Note [H*] = initial [HC/] At equilibrium, [H*] < initial [CH;COOH]

(b) Concentrated and dilute acids

The concentration of an acid in aqueous solution is the amount of the acid per unit volume of the

solution.

- dihete oy el

» A concentrated acid is one in which the proportion of acid to water is high. it weall oGl

» Adilute acid is one in which the proportion of acid to water is low.

Note:
strong acid concentrated acid
:l— strength of acid # concentration of acid ) .
weak acid dilute acid
refers to extent of refers to amount of acid
dissociation of acid per dm? of solution
O

g+ Q- u
(c)- Basicity of an acid

(o]

H- o - P\O‘H Kt acd.

Number+o_f H atoms ionisable ) Examples
(as H" ion) per molecule
monobasic (or monoprotic) acid |Hu - H* (1~ 1 HC!/, HNO3 and CH;COOH
dibasic (or diprotic) acid Hso, 2 1H*+Mf 2 H.SO4, HOOC-COOH
tribasic (or triprotic) acid 3 HsPOg4

e Bases are-compounds which neutralise acids. Not all bases are soluble in water.

e A strong base is one which undergoes complete ionisation in aqueous solution.
Examples of strong base: NaOH(aq), KOH(aq), Ba(OH).(aq)
NaOH(aq) — Na*(aq) + OH7(aq)
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e A weak base is one which undergoes partial ionisation in aqueous solution.
Examples of weak base: NHs(aq), Na2COs(aq), CHsCH2NH.(aq)
NHs(aq) + H20O(l) = NHs*(aq) + OH(aq) rns st bao N

e L’Nu 3 M‘L,W; , Bo\.(ﬂﬂ)&

mheories of Acids and Bases

The Arrhenius theo

acids and bases

(a) Definitions

In 1884, the Swedish chemist Svante Arrhenius suggested the following definitions:

Acid - Base
e An acid is a hydrogen-containing * A base is a hydroxide-containing
substance that ionises and releases substance that ionises and releases
hydrogen ions (i.e. H" ions) in aqueous hydroxide ions (i.e. OH™ ions) in aqueous
solution. solution.
e Example: HC/(aq) - H'(aq) + C/~(aq)  Example: NaOH(aq) — Na*(aq) + OH~(aq)

(b) Limitations of Arrhenius theory:

It restricted acid-base reactions to those which occur in aqueous solutions. RNH
By

It did not account for the basic properties of ammonia and some organic substances (such as
the amines) that do not contain the hydroxide group.

It focused on the existence of the hydrogen ion, H*, in aqueous solution but no such ion can
exist in aqueous solutions.

(c) The hydrated proton HAGy) « ho  — Kot + U )

Note:

The hydrogen ion is a bare proton, a fundamental particle. It is very small (107"° m diameter)
and has a relatively high charge density such that it attracts any molecule with unshared
\'

electrons such as H,0.
VD]L&W\L

Therefore, in aqueous solution, a water molecule forms a dative covalent bond to the H* ion to
produce the hydronium ion (also known as ‘hydroxonium ion’). HsO*.

HO() + H'(ag) ————— H30*(aq)

[

0 " + O..., .
u \ H'(aa) ’ by \ H
H

* When talking about acidic solutions, the term ‘hydrogen ion’ is often used. Strictly speaking, we
should always remember that protons do not exist in solution and should talk about the hydronium
ion, writing HsO*(aq) instead of H*(aq).

e In practice, H*(aq) is commonly used for simplicity sake. We will use H*(aq) and H3O*(aq)
interchangeably. This means that any equation you see written with ‘H*(aq)’ has an equivalent form
with ‘HsO*(aq)’ and vice versa.




2.2 The Brensted-Lowry theory of acids and bases .
e In 1923, J.N. Bronsted and T.M. Lowry proposed the proton transfer theory of acids and bases.

Definitions -

Bransted-Lowry Acid Brgnsted-Lowry Base

‘A Brgnsted-Lowry acid is a proton donor. | A Bregnsted-Lowry base is a proton acceptor.

In this case, an acid-base reaction involves the transfer of a proton (i.e. H" ion) from the acid to
the base. An acid is only an acid in the presence of a base, and a base is only a base in the

presence of an acid.
Mo U wglipet — o eidhey owade
o ouyt «,[w\w, vy wd(\,]o N o

sl o o

Examples:
HCl(g) + NHa(g) —— NH4C/(s)

acid base ML -

HCl(aq) + H20(]) —> Cl-(aq) + HsO*(aq)

acid base

CH,COOH(aq) + OH-(aq) —> CH3COO0(aq) + H20())

acid base

COs2(aq) + H0() = HCOs(aq) + OH(aq)

base acid

2.3 Lewis acids and bases -

e In 1938, the American chemist G.N. Lewis produced a theory which extends the concept of acids
and bases even further than that of Brgnsted and Lowry.

o Definitions

Lewis Acid

Lewis Base

A Lewis acid is any species that can accept a
pair of electrons from a base to form a dative

A Lewis base is any species that can donate a
pair of electrons to an acid to form a dative

covalent bond, ie. a Lewis acid is an | covalent bond, ie. a Lewis base is an
electron-pair acceptor. electron-pair donor.
e Examples:
o~ dehaod BF; + :NH; ———— HiN—>BFs
Lewis acid Lewis base
= . <%

H* + H,O: ——— H30" H <« 6
Lewis acid  Lewis base / N

H H
AlCls + CI- —— AICl4
Lewis acid Lewis base

e The Lewis theory of acids and bases is much broader than the Arrhenius and Brgnsted-Lowry
definitions. It extends the range of acid-base reactions to include those which do not involve
protons.

4.



2.4 Conjugate acid-base pairs

e We are primarily concerned with aqueous solutions in which acid-base phenomena involve
proton transfer, and so the Bronsted-Lowry theory of acids and bases is of most use to us.

e Consider the following reaction between an acid HA and a base B.

HA + B A" + HB?Y
acid base conjugate conjugate
base of HA acid of base B

e Note:-

In the forward reaction

HA is an acid as it donates a proton to B.
B is a base as it accepts a proton from HA.

In the backward reaction

HB* is an acid since it donates a proton to A~.
A~is a base since it accepts a proton from HB"*.

Conjugate acid-base pairs

HA and A~
HB* and B

e Notice that in each conjugate pair, the acid and base differ from each other by a proton, H*.

e Examples

loses H* gains H*
Reaction (forward reaction). acid BN base Conju_gate
base acid
1 | HCl(aq) + H20(l) — Ci(aq) + H30*(aq) HCI Cr H.O Hs;O*
2 | CHaNHz(aq) + H0(l) = CH3NHs*(aq) + OH=(aq) H20 OH- CH3NH2 | CH;3;NH;*
3 | NHs(aq) + CHsCOOH(ag) — CHsCOO"NH4*(aq) | (H 3 oo H 5 Loo N NH, N

mH Calculations for Strong Acids and Bases

3 iThe pliscale s v 0 s illvaangss.

e The concentration of hydrogen ions in a solution is a measure of acidity or alkalinity of the
solution. Most hydrogen ion concentrations fall between values of 10° and 10-"* mol dm=2.

e The Danish biochemist S.P.L. Sgrensen (1909) realised that this wide range of hydrogen ion
concentrations could conveniently be expressed by the numbers 0 to 14 using the pH scale.

The pH scale

0O 1 2 3 4 5 6 7 8 9 10 11 12 13 14
Lt = 1 &+ @ & ;[ | | ‘@

< T >

increasing acidity neutral increasing basicity
(at 25°C)




3.2 Definition of pH

e The pH of a solution is defined as the negative logarithm to
base ten of the hydrogen ion concentration in mol dm™3.

e If the pH of a solution is known, the concentration of hydrogen ion
(in mol dm™) in the solution can be calculated.

pH = -Ig [H"]

[H*] = 10-°H

Note:

e The higher the [H*] in a solution, the lower is the pH ofthe solution.
=> A solution with a lower pH is more acidic than a solution with a higher pH.

e An aqueous solution with pH =
[H*] = [OH]. (refer to Section 4.4)

7 at 298 K is considered to be neutral

because

rlzrwlyd o L) wil [ bwe =

3.3 Calculatmg the pH of a solution of a strong acid -

He® \Worked Example 1 ol

N ‘mt N J MA/LM MJL

HC/(aq) — H*(aq) + C/(aq)
[H*] = [HCl(aq)] = 0.200 mol dm™

pH = —Ig [H*] = -Ig (0.200) = 0.699

(a) Calculate the pH of 0.200 mol dm= HC/(aq).

(b) Calculate the pH of 1.00 mol dm~3 H2SO4(aq).
H.S0s(aq) —— 2H*(aq) + SO+ (aq)

H]= 2% L6V = 2.00 noldn

39).

pH= -y Th'] = g L) = =7

3.4 Calculating [H'] from pH

He® Worked Example 2 oH

(a) Calculate the [H*] in urine of pH 4.1

[H*]=107PH = 1041
=7.94 x 10 mol dm

(b) Calculate the [H*] in pancreatic juice of pH 8.1.

H1= 107 2 29ty 07" el do

He Exercise 1 ®H [N2014/1/12]

10cm? of a 0.01 moldm™ solution of nitric acid is diluted with 90cm? of water.

What is the pH of the resulting solution?

A 1 B 2 /3
10
p(HY) 2w (HNG ) =~ X 0-0
h*) i—;‘l"lfx.m c
I‘H " _lf) T HY) ,B LD-O‘M):

D 4

= 00001 we
0 09 o] dn”




3.5 Definition of pOH

e The pOH of a solution is the negative logarithm to base ten of
the hydroxide ion concentration of the solution in mol d¢m=3 POH = —Ig [OH"]

e If the pOH of a solution is known, the concentration of hydroxide _ -
ions (in mol dm=?) in the solution can be calculated. [OHT] =10

3.6 Relationship between pH and pOH at 25°C

e Experimentally, it has been determined that at 25 °C, At 25 °C,

pH + pOH =14 =
H + pOH =
e Hence pH =14 — pOH and pOH = 14 — pH at 25 °C. pH + pOH =14

e Refer to Section 4 for more details.

3.7 Calculating the pH of a solution'of a strongbase = v s

He® Worked Example 3 ol
(a) Calculate the pH of 0.100 mol dm=3 KOH(aq). (b) Calculate the pH of 1.00 mol dm=3 Ba(OH)z(aq).

KOH (aq) — K*(aq) + OH(aq) Ba(OH). (aq) — Ba?*(aq) + 20H(aq)
[OH]= 0.100 mol dm
pOH = —Ig (0.100) = 1
pH=14-1=13.0

[OH]= 2x 169 =260 ml dr”?
pOH = -\ (2.00) = -0-30

pH.__ ¥ - (‘0.30) :l\tx

3.8 Calculati'ng [OH] from pH or pOH
H® Worked Example 4 ol
(a) Calculate the [OH"] in KOH(aq) of pOH 3.0. | (b) Calculate the [OH]in baking soda of pH 8.4.

pOH = 3.0 PH=84=pOH= It -4 =5.¢
[OH] =107 =103 = 1.00 x 10~ mol dm~3

5t )
oH]= © 7 = a5l xot A da

o Main methods available to determine the pH (and hydrogen ion concentration) of a solution:
® using universal indicator paper or solution for an approximate pH value.
@ using a pH meter for an accurate pH determination.




e The pH values of some familiar aqueous solutions are shown in the diagram below.

pH values of some familiar substances
[H] [OH]
pH /moldm?  /moldm=  pOH

Note: -
. 1.0moldm>NaOH----oo o - 14 1x 101 1x 100 0
The diagram / \
gives the pH 0.1moldm3NaOH--——____ L 13 1x 101 1x 10 1
values of a household bleach--------
number of familiar 2 12 1x 1012 1x 102 24
items. 8
o - 11 1x10M 1x 103 34
: ; =] limewater - - —-----
Eeec?apulsnerglpidlsﬂ;arf £ ~milk of magnesia -------- — 10 1x101 1x 104 4 -
a logarithmic - 1x10°® 1x 10% 54
scale, every unit baking soda
change in pH 1x 108 1x 108 6 —
represents a human blood, tears e ]
tenfold change in purewateral 298 K L
[H*] saliva, fresh milk R
’ ; - 6
rainwater (normal) = - ------
Thus lemon juice black coffee == -=-~-- L5 1x105  1x10% 9
is approximately
100 times more £ t°ma\txz ““““ L4 1x10¢  1x10% 10—
acidic than tomato sy TETTTTTTTT
juice. o vinegar-------- -3 1x103 1x 101 11 5
o e -
E IBAOH JUIEE: s & |2 1102 1x 102 12—
stomach ‘juices’ -------- | 1 13
< 7 (contains HC#(aq)) 1 1x10 1x 10 13+
1.0moldm= HClaq) - - - ____ -0 1x100 1x 10 14~

He® Exercise 2 ®om [N2005/1/9]

The pH of normal human blood is 7.4. Strenuous exercise can cause the condition called acidosis
in which the pH falls. If the pH drops to 6.8, death may occur.

How many times greater is the hydrogen ion concentration in blood at pH6.8 compared with that
at pH7.4?

A 14 B 20 < a0 D 600

tht ) s o
—_ s — =
(;H‘t] 54 ‘0—1“' 3 0’% .



n The lonic Product of Water, Kw

4.1 Deriving the expression for Ky =

—_—

The electrical conductivity of even the purest water never falls to exactly zero. This is due to the
presence of ions produced from the self-ionisation of water as represented by the _equation
below.

H:0(l) + H:0(l) = HsO*(aq) + OH-(aq)

base acid
or for simplicity: H2O(l) = H*(aq) + OH(aq)
I I _ _[H"][OHT]
At equilibrium, the equilibrium constant, K. =
[H20]
Rearranging gives: Kc [H20] = [H*] [OH7]

Since water is a weak electrolyte, the amount of water ionised is very small such that [H20] is
effectively constant. Hence K. [H20] is another constant.

Let Kw = K [H20].

Then Kw = [H'][OH]

Kw is termed the ionic product of water. It has units of mol2 dm>.

The exact value of Kw depends on temperature.

At 25°C, Ky =[H*][OH] = 1.0 x 10" mol dm-°

The following expression for K., is also commonly used.

H20(l) + H0(l) = HsO*(aq) + OH(aq) Kw = [H:0"] [OH"]

Note:
» For all aqueous solutions at the same temperature,
[H*] [OH] = constant = K., at that temperature

e If [H*] becomes larger, [OH"] becomes smaller and vice versa.

Kw

[H°]

H+_-K_w d OH—._
M= o and  [OH]=




4.2 Calculations involving Kw

me® Worked Example 5 o

(a) Calculate the [OH] in 0.10 mol dm™2 (b) Calculate the [H*] in 0.020 mol dm~ Ba(OH)2(aq).
HCl(aq).
[OH7] =2 x 0.020 = 0.040 mol dm™3
Kw = [H*] [OH"] - Ku = [H*] [OH-]
o= o 10x107"
(H'] Hl= Tw] = — . =250 x10 -+
- _14 0 '0% _3
1.00 x10 A ol dm
= —— =1.00x 10" mol dm~3
0.10
43 Relationship between pKy, pHandpOH =~ &
e By definition,
pKuw is the negative logarithm to base ten of K. pKw = —lg Kw

e pKw can be expressed in terms of pH and pOH.

Kw = [H'][OHT]
—lgKw = —Ig [H']-1g [OH]
= pKw = pH + pOH
. At 25 °C,
Ky = [H*][OH]=1.0x 10" mol2 dm™®
= pKw = pH + pOH = —Ig (1.0 x 107™%) = 14

4.4
e For an aqueous solution, Ky =[H"] [OHT].
e For a neutral aqueous solution, [H*] = [OHT].

e Consider a neutral aqueous solution at 25 °C.

pKw = pH + pOH

At 25 °C,
pKw = pH + pOH =14

pH and pOH of a neutral aqueous solution at 25 °C

Kw=[H1[OH] = 1.0x 107" mol> dm™™
o g ~ For a neutral aqueous
= [H]* = 1.0 x 10 mol* dm™ solution at 25 °C,
1 = -4 _ = -3
= [H'] v1.0x10 1.0 x 107" mol dm [H'] = [OH]
pH = —lg[H]=-g (1.0x107") =7 =1.0 x 107 mol dm=
[OH] = [H'] = 1.0x 107 mol dm™ pH=pOH =7
pOH = —Ig [OH]=-g (1.0x107)=7

e For pure water (at 25 °C) which is neutral,

-10-

[H*] = [OHT] =1.0 x 107 mol dm=
= pH=pOH =7 (at 25 °C)




Note:

The pH scale
6o 1 2 3 4 5 6 T 8 9 10 11 12 13 14
| N N R NN [N NN S N O N S N N |
t —
increasing acidity neutral increasing basicity
(at 25°C) -—

A neutral solution has pH 7 only at a temperature of 25 °C.

neutral solution [H']1=[OH] pH =7 at25°C
acidic solution [H']>[OH7] pH <7 at25°C
basic solution [H'] <[OH] pH > 7 at25°C

-

4.5 The effect of temperature on Ky

The table below shows the variation of the ionic product of water, K., with temperature.

Temperature /°C | K,/ mol?> dm pH of water=-1q A
10 0.29 x 10~ 7.27 -
20 0.68 x 10~ 7.08
25 1.00 x 10~ 7.00
30 1.47 x 10714 6.92
40 292 x 104 6.77
50 548 x 1074 6.63
100 51.3x 1074 6.14

self-ionisation of water is an endothermic process.

H20(1) + H20(l)
or H20(1)

—
—
A

H*(aq) + OH(aq)

* As temperature is increased, the equilibrium position of

Hs0"(aq) + OH~(aq)

The value of K. increases with temperature as shown in the table. This is because the

‘hm', £ rHJ/
b Th, U4 ph |

the above reaction shifts to the right to

AH>0
AH>0

absorb the heat added. This is in accordance with Le Chatelier's principle.

concentrations of H* and OH" ions.

H® Exercise 3 oM [N2013/I/11]

The dissociation constant, Kw, for the ionisation of water, H2O = H*

With the forward endothermic reaction favoured as temperature is increased, there will be higher

Since Ku = [H*] [OH"], the value of K, increases as temperature increases.

+ OH-, at different temperatures is given

below.
temperature/°C Kw / mol2dm2
0 1.15x 10715
25 1.00 x 10714
50 550 x 1014

What can be deduced from this information?

Nuchd — TH*] = TOH']

A Only at 25 °C are [H*] and [OH-] equal.

B The equilibrium lies furthest to the right at 0°C.

Cc The forward reaction is exothermic.

D The pH of water decreases as temperature increases.

-11-



B pH Calculations for Weak Acids

5.1

Although the pH of a solution provides some measure of the strength of a constituent acid, the
use of pH is very limited in this context since its value will change as the concentration changes.

Consequently, chemists looked for a more useful, yet quantitative, means of representing the
strength of an acid. They found this by considering the dissociation equilibria of acids in aqueous
solution.

Consider the dissociation of a weak monobasic acid HA (e.g. CH3sCOOH) in an aqueous solution.

HA(aq) + H20(l) = H3O*(aq) + A~(aq)

Or for simplicity: HA(aq) = H*(aq) + A~(aq)
. I _ [H1IAT]
For the above reaction at equilibrium, K, = ———
[HA]

K, is termed the acid dissociation constant of the acid HA.

Note:
e K,is a measure of the sirength of the acid HA.
* K provides a quantitative indication of the extent to which the acid is dissociated.
e Ks has units of mol dm=.
e The value of K, is dependent on temperature.

The following expression for K is also commonly used.

[H3O"] [A]

HA(agq) + H2O(l) = HsO*(aq) + A(aq) K, = Al

a

The Ka and pKa values of different acids can be used to compare the strength of the acids.

e The pKs of an acid is the negative logarithm to base ten of the K. = —la K
K. of the acid. Phe = =10 B
He® Worked Example 6 ol
Ethanoic acid is an organic acid with K, value of 1.8 x 10~ mol dm™. CHe] [47]

Write down the K expression for ethanoic acid.

Hh(a) = + A =
Solution L“') < H‘w A (‘1) K“ AT
CH3COOH(aq) = CHsCOO~(aq) + H*(aq)

TH; Ldk ]

lLu <

-12-




5.2 Interpreting K, values

5.3

The K, values of some acids at 298 K are shown in the table below.

Acid Ka/ mol dm= pKa
HC/(aq) 1x107 -7
HF(aq) 5.6 x 10 “ 3.25 acid
. HNO2(aq) 45x 10+ 3.35 strength
CeHsCOOH(aq) 63x10°5 - 4.20 decreases

CHsCOOH(aq) " 18x10°5 474
NH4*(aq) 5.7 x 10-1° 9.24 v

HCN(aq) 4.9 x 10-10 9.31
CsHsOH(aq) T 1.3x1010 9.89
Note:

e The larger the Kj value, the stronger the acid.
e The larger (i.e. more positive) the pK, value, the weaker the acid.

Consider HF(aq) and HCN(aq).
HF(aq) = H'(aq) + F(aq) ..............(1)
HCN(aq) = H'(aq) + CN*(aq) ...............(2)

Since K, of HF > K, of HCN,
= HF is a stronger acid than HCN

* For HF(aq) and HCN(aq) of the same concentration,
- the equilibrium position of reaction (1) lies more to the right.
- HF dissociates to a greater extent than HCN. s
- HF dissociates to yield a higher [H*] at equilibrium.
- pH of HF(aq) is lower than pH of HCN(aq).

Acid dissociation constants of weak polyprotic acids =~

Polyprotic acids such as H.S, H.CO; and HsPO4 have more than one K, values.

For example HsPO., which is a triprotic acid, has three K, values. These are called first (Ka1),

second (Kaz2) and third (Kas) acid dissociation constants respectively.

Dissociation Equilibrium in aqueous solution Ka/ mol dm= pKa
First HsPOs(aq) = H*(aq) + H.PO4 (aq) 75 %103 2.1
Second H2PO4(aq) = H*(aq) + HPOs*(aq) 6.2x107® 7.2

Third HPO4*(aq) = H*(aq) + POs*(aq) 42x10™ 12.4

atttee] malel, >s»»35 J«qu; ion > .u,lj Jr\ajd G .

It can be seen that Ka1 > Kaz > Kas.

Successive K, values become smaller because successive dissociations involve acidic species
that are increasingly more negatively charged, making the donation of positively charged H* ion

increasingly more difficult.

44.




5.4 Calculating the pH ofaweakacid L e R

e Problem:

Consider a C, mol dm= HA(aq). Calculate its pH given the K, of HA.

e Solution:
Let [H*] = x mol dm™ at equilibrium. 1 Define x as unknown
[H*] at equilibrium.
H -3 - + -
Concentration / mol dm HA(aq) = H'(aq) + A<(aq) 2 Construct the ICE"
Initial Co - = table.
Change =R S b 3 Write the Ka
Equilibrium (Co—x) X X expression.
[H*] [A] ) (X) x2 4  Substitute values into
Ka = = = the Ka expression.
[HA] (Co-X) (Co-X)
. . 5 Mak i
Since HA is a weak acid with a relatively small K;, assume x << C,. Si;p(;f?,s;imptlon ®
Then (Co — X) = Co. calculation.
2
X
Ka = C_ 6 Solve for x and
e 2k determine [H*].
_ conundrafion o Ht ot
X = JKaCo e, . 7 Calculate pH.
[H'1 = VK.C,
pH = —Ig[H]= <lg/K,C,

 There are two key assumptions made to simplify the arithmetic.

1) The [H*] from the self-ionisation of water is negligible and ignored.
e This is usually justified since the presence of H* from HA will suppress the self-ionisation of water.

¢ This assumption is not valid if HA(aq) is very dilute.

2) The degree of dissociation is negligible, i.e. x << G, such that (Co, — x) = Co, where
Co = initial [HA] and x = [H*] = [HA]uissociated

Degree of dissociation,

(ci) (100%) Validity of assumption

(C—x—) (100%) < 5% The assumption is valid and approximation can be used.
(o]
( _X_) (100%) > 5% The.assumption is pot valiq and x has to be found by

Co solving the quadratic equation.

¢ Note: u

I e This formula is useful for solving multiple-choice questions.
x=[H7] KaGC, e This formula is useful for checking if (Co — X) ~ Co.
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H® Worked Example 7 ol

Calculate the pH of a 0.200 mol dm™ ethanoic acid solution (Kx = 1.8 x 10° mol dm=3).

Solution 1
Let [H*] = x mol dm= at equilibrium.

Concentration / mol dm2 CHsCOOH(aq) = CH;COO(aq) + H*(aq)
Initial 0.200 - -
— Change —X +X +X
Equilibrium 0.200 - x X X

_ [CHCOOT[HY] (0 (x)
® 7 [CH3COOH]  (0.200-x)

=1.8 x 10°% mol dm3

Since CH;COOH is a weak acid with a relatively small K,, assume x << 0.200.
Then (0.200—x) =~ 0.200.

2 Check
= 18x10°
0200 - (1] ) (100%) = ( 1897 x 10° (100%)
x = J(1.8x 105)(0.200) = 1.897 x 10 | ' 0.200 ° 0200 ;
[H] = 1.897 x 10° mol dm- =R.06% = 5%
pH = _’g (1.897 x 10-3) = 272 ‘ = Assumption is valid.
Solution 2 : : Alternative way to
CHsCOOH(aq) = CH3COO~(aq) + H*(aq) - present the working for
the calculation of pH of
At equilibrium, [H*] = [CH3COQO. a weak acid.
Since CH3;COOH is a weak acid with a small K, . » Witle the relevant
assume that at equilibrium, [CH;COOH] = 0.200 mol dm- reaction equation.
. T [CH,COOT [H'] =1.8x10°5 . State clearly the
[CH3COOH ] [HA], [H*] and [A7] at
equilibrium including
[H*] [H*] » any assumption
_Wz'I.BX‘IO made.
” e Apply [H*] = /K,C
M= Jutx190)(0000 = (89Tx 107 ddu” PPl = i,
¢ Calculate [H*] and
pH = -lj (1-897.x 10%) = .72, then pH.
Solution 3 ] = i . ll\JAsCe chis method for

[H*] = /Ka x[CH;COOH] = ,/(1.8x10%)(0.200) = 1.897 x 10~ mol dm-®
pH = —Ig (1.897 x 103 = 2.72

»  Compare the above answer with that of Worked Example 1(a) on page 6.
* Note: The pH of a weak acid is higher than that of a strong acid of the same concentration.
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5.5 Calculating the K, of a weak acid

me® Worked Example 8 ol

The pH of a solution containing 0.35 mol dm= hydrofluoric acid is 1.82. -
Calculate the K of hydrofluoric acid.

Solution 1
pH=1.82 = [H']=10""% =0.01514 mol dm

Concentration / mol dm= HF(aq) = H'(aq) + F~(aq)
Initial 0.35 - -
Change -0-9514 +0.0( 51t +0.0(S1Y
Equilibrium - 0.35-0.0(51¢% 0-0(51¢ p- 0181
K. of HF = HF] _ (o0.0l51%) e g5 107w d”
[HF] 0.3% -0.0ISH

Solution 2 (Alternative way to present the working)

HF(aq) = H*(aq) + F(aq)
pH=1.82 = [H*]=10""82 = 0.01514 mol dm™3

At equilibrium, [F-] = [H*] = 0.01514 mol dm~ and [HF] = (0.35 — 0.01514) = 0.3349 mol dm

[H][F]_ (0.01514)°
[HF] ~  0.3349

K, of HF = = 6.85x 10* mol dm™

Note: For this question, there is no need to assume (C, — x) = Co since x = [H'] can be calculated
from the given pH of the solution.

5.6 Calculating the pH of an extremely dilute strong acid

He Worked Example 9 ol

Calculate the pH of 1.0 x 10~ mol dm?HNO3(aq) at 298 K.

Solution
e The given nitric acid solution is very dilute. Hence the contribution of H* ions from the self-ionisation
of water is not negligible and has to be taken into consideration in calculating the pH of the solution.

e  There are therefore two sources of H* ions:
1 from the complete dissociation of HNO3: HNOs(aq) — H*(aq) + NOs(aq)
2 from the self-ionisation of water: H,O(l) = H*(aq) + OH=(aq)

The presence of H* ions from the complete dissociation of HNOs will suppress the ionisation of H20.
Let [H*] from the self-ionisation of water =y mol dm=
Then [OH"] due to the self-ionisation of water = y mol dm.

A Simplified Approach

+ = M + - -8 3
Hence [H ]total = [H ]mtncamd + [H ]water = (10 x107° + y) mol dm Assume [H+] from the self-ionisation of

- . 3
At 298 K, Ku = [H}ow [OH-] = 1.0 x 10" mol? dm® Hgli="1.0 x50~ mol dm=,
8 = 14 i
Y2 +1 Ox(110‘08;_19l 0:(){1)0(—)1/?; = (1).0 x 10 [H*Jotat = [HTnitric acia + [H*Jwater
: ; = (1.0 x 108 + 1.0 x 1077)
Solving using GC, ~1.1x 1077 mol dm=3

y=9.51x10% ory =-1.05 x 107 (rejected since y > 0)
[H*otat = (1.0 x 10+ 9.51 x 1078) =1.051 x 10~ mol dm"

- oM = —1g [H'] = —ig (1.051 x 107) = 6.98 pH=-Ig[H*]=-lg (1.1 x 1077) = 6.96

-16-



ﬂ pH Calculations for Weak Bases

6.1 Base dissociation constant of a weak base I
e Consider an aqueous solution of a weak monoacidic base B (e.g. NHs) in which the following
equilibrium is established:

-—

B(aq) + H20(l) = BH*(aq) + OH~(aq)
E.g.: NHs(aq) + H20(l) = NH4*(aq) + OH(aq)

e Deriving the expression for Kp:
[BH*][OH"] =
[B][H20]
[BH*][OH]
[B]

Since [H20] in aqueous medium is effectively constant, K. [H.0] is another constant.

At equilibrium, K. =

Kc [H20] =

Let Ky = K [H20].

_ [BH'][OH]
Then Ky = 8]
. — [BH*][OH]
e Forthe above reaction at equilibrium, Ky = T

e Kpistermed the base dissociation constant of the base .B.

Note:

Kb is a measure of the basic strength of the weak base B.

Ko is @ measure of the ability of the Bransted-Lowry base B to accept a proton.
Kb has units of mol dm™.

The value of K, is dependent on temperature.

The Ks and pKs values of different bases can be used to compare the strengths of the bases.

The pKs of a base is the negative logarithm to base ten of the K,
of the base. PKo =~1g Kb

m® Worked Example 10 ol

Write the Ky expression for the following reaction: COs%(aq) + H20(!) = HCOs™ (aq) + OH(aq).
THu, 1T oK1 ’
e M

Solution: £, =
[—(403 l-] -
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6.2 Interpreting K, values

e The table below shows the base dissociation constants of some bases in water at 298 K.

Base Ko/ mol dm= pKb Nofe:
CHsCH2NH2(aq) 51x10 3.29 e The larger the Ky
COs?(aq) 2.1x10% 3.68 value, the stronger is
“NHa(aq) 1.8x 105 4.74 basic the base.
HS-(aq) 1.8x 1077 6.74 dzfcff;fsfzs e The larger the pKo
CH3COO-(aq) 5.7 x 10-10 924 value, the weaker is
the base.
@—NHz (@q) 4.2 x10-10 9.38
e Consider NH; and CH3;CO;™.
NHs(aq) + H20(/) = NHs*(aq) + OH(aq) ..................(1) i
CHsCOz(aq) + HxO()) & CHsCOzH(ag) + OH™(aq) ............ 2
Since Ky of NH3 > K, of CH3CO4,
= NHs is a stronger base than CH3zCO3™.
= For NHs(aq) and CH3CO2(aq) of the same concentration,
- the equilibrium position of reaction (1) lies more to the right.
- NHs ionises to a greater extent than CHzCO5™. ?'H e 'lj LoH J
- NHs ionises to yield a higher [OH™] at equilibrium. l’” i "POH

bl Ky <ol U, o

) PH 'P “"3 > P H m‘ w; wy’_
e Problem: Consider a C, mol dm~ B(aq). Calculate its pH given the K, of B.

6.3 Calculating the pH of a weak base

e  Solution:
Let [OH™] = y mol dm™ at equilibrium. Nots:
, The approach is
Concentration/mol dm-3 B(ag) + H20() = BH*(@aq) + OH-(aq) sitriilar s hat of
Initial Co - - finding the pH of
Change il +y +y a weak acid.
Equilibrium (Co—vy) y y
_BHIOHT _~ »W _ _¥?
by = = =
(B] Co-y)  (Co-V)

Since B is a weak base with a relatively small Ky, assume y << C,.

Then (Co —y) = Co.
2

5 A
Ko = Ca
y = \/KbCo

. sl |[OH] = JK,C,

pOH = —Ig [OH] = —Ig/KeCy
pH = pKw_pOH

-18-



#e® Worked Example 11 om

Calculate the pH of 0.100 mol dm™ NHs(aq) at 25 °C. Ky of NHs is 1.74 x 10~ mol dm=2.

Solution 1
Let [OH"] =y mol dm™ at equilibrium.

Concentration/moldm™= | NHas(aq) + H,O(/) = NHj*(aq) +
initial 0.100 -
change -y +y
equilibrium (0.100 —vy) y
[NHsT[OH] y2

=1.74 x 10> mol dm™3

Ko = TINmg . C 0100-y)

Since NHj3 is a weak base with a relatively small Ky, assume y << 0.100.

Then (0.100 —y) ~ 0.100.

y
0.100

=1.74x107°

= [OH7] = 1.319x 10~ mol dm™®
pOH = —Ig (1.319 x 10-%) = 2.88

2 Check

[OH]

"y 1 00%) =
y = J(1.74 x 10)(0.100) = 1.319 x 10 (5.100(100%) = (

1.319x 1073

i ) (100%)

= 1.32% < 5%

pH =pKy —pOH =14 -288=11.1 = Assumption is valid.

Solution 2
NHs(aq) +.H20(I) = NH4*(aq) + OH(aq)

“At equilibrium, [OH7] = [NH4*]
Since NHj3 is a weak base with a very small K,
assume that at equilibrium, [NH3] = 0.100 mol dm™3.

[NHs*][OH] [OH-] [OH]
His = = =1. -5 -3
Ko for NH3 NHo] 0100 - 1.74 x 10~ mol dm

[OH] = /(1.74 x 10°5)(0.100) = 1.319x 10~ mol dm™3

Alternative way to
present the working
for the calculation of
pH of a weak base.

* Write the relevant
reaction equation.

e State clearly the
[B], [BH*] and
[OH"] at equilibrium
including any
assumption made.

* Apply [OHT] = {/KyCo

pOH = —Ig (1.319x 103 = 2.88
pH = pKw —pOH=14-2.88 = 11.1  Calculate [OH],
— pOH and then pH.
Solution 3

OH] = JRoxINAT = J0T4xn )ioqo0 = [319 x10° el din, ™3

pOH = -|3 (1319 X(()"’) = L.6%

pH = pK, - Ptﬂf = (-2 = (.12

e Remember the
formula and use it
when answering
MCQ.

« Compare the above answer with that of Worked Example 3(a), page 7.

|* Note: The pH of a weak base is lower than that of a strong base of the same concentration.
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6.4 Calculating the Ky of a weak base

me® Worked Example 12 oR

The pH of a 0.200 mol dm= sodium ethanoate solution is 9.02. Calculate the K; of ethanoate ion.

Solution 1
At 298 K, pOH=14-pH =14 -9.02 =4.98
[OHT] = 107%%8 = 1.047 x 1075 mol dm™

Concentration/mol dm= | CH:COO~(aq) + H.O() =& CHs;COOH(aq) + OH-(aq)
initial 0.200 - -
change -1.047 x 10° +1.047 x 10°° +1.04Zx 10°°
ilibrium 0.200 — (1.047 x 10™°
PRKIESRS s (200 ) 1.047x 105 1.047 x 10°°

_ [CHsCOOH] [OH] _ (1.047 x 1092
®T " [CH.COO]  0.200

=548 x 1079 mol dm™3

Solution 2 (Alternative way to present the working)
CHsCOO(aq) + H20(l) = CH3sCOOH(aq) + OH™(aq)

pOH =14 -9.02 =4.98
[OH~]=107*% = 1.047 x 10~° mol dm™®

- 3
At equilibrium, [CHsCOOH] = [OH] = 1-0#Tx 10 T md di

-3
[CH:COOT= 0.340 - [ 04T x 0= = 9.260 pasl dn.

_ [CHsCOOH] [OHT] _ _Uo¥Txi0) 68 x 10°° nod don”?

®T  [CHsCOO] 0 -200

Note: For this question, there is no need to assume (C, —y) = Cosince y = [OH] can be calculated
from the given pH of the solution.

Relationship between Ka and Kb for a Conjugate Acid-Base Pair

e There is a simple relationship between the ionic product of water and the dissociation constants
of an acid and its conjugate base. This relationship can be derived by considering the
dissociation of ethanoic acid and ionisation of ethanoate ion in water.

¢ For ethanoic acid, we have

[CHsCOO] [H]
[CHsCOOH]

CH3;COOH(aq) = CHsCOO(aq) + H*(aq) K, of CHsCOOH =

-20-



For ethanoate ion, which is the conjugate base of ethanoic acid, we have

[CH3COQH] [OH]

CH;CO0(aq) + HoO(l) = CH:COOH(aq) + OH(aa) | . of CH,COO- =

[CH3COO]
e By multiblying the above two expressions together, we have
[CH3COO] [H*] | , [CH3COOH] [OH-]
H3sCOOH) (Kb of CH;COO") =
(Ka of CH ) (Ko of CH,CO07) = ( [CHsCOOH] X [CHsCOO )
) = [H][OHT]
= Kw
e Hence, in general for a conjugate acid—base pair, we have
For an acid and its conjugate base Ka of acid HA x Ky of conjugate base A~ = K,
___ Kw
= Ko of A= AA
For a base and its conjugate acid Kb of base B x K, of conjugate acid BH* = K,
+ KW
= K, of BH " K of B

Note that a relationship also exists between pK, and pK, for a conjugate-acid-base pair.

At 25 °C,
Ka X Kb = Kw

and pKi + pKp = pKw

Kw = Ka X Kb
and pKw = pKa + pKo

1.0x 107" mol? dm=
14

1l

1

H® Worked Example 13 ol

(a) The K; of CH3COOH.is 1.80 x 10° mol dm~3. | (b) The Ky of NH3 is 1.74 x 10-5 mol dm-3.

Calculate the Ky of CH3COO-. Calculate the K, of NH4*.
Solution Solution ¥
Ko of CHsCOO- = — 1w ____ Ka of NH4* = ~
b Of &Ha " Ky of CH3COOH St T
_ 10x 10-14
~ 1.80x10°5 = Lax o
= 5.56 x 10-"° mol dm3 L14 xi0”

S5 % 107 neldn™®

"
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7.2 Relative strengths of acid and base in a conjugate acid-base pair

Consider a conjugate acid-base pair at 298 K.

—

K,
Kax Kp = Kw=1.0x 107" mol2 dm= W

Kw _ 1.0x 10714
Ka

Ka

Kb

'From either one of the equations,

o the larger the K. of an acid, the smaller is the Ky of its conjugate base.
» the stronger the acidity of the acid, the weaker is the basicity of its conjugate base.

Consider two weak acids, HA and HB.

If HA is a stronger acid than HB, then A”is a weaker base than B~.

e Reasoning: HA s a stronger acid thanHB = Kaof HA > K, of HB
Kw Kw
= - —
Kp, of A Ky of B
= Koof A~ < Kpof B”
=> A~ is a weaker base than B~

extent than that between HB and A~

If HA is a stronger acid than HB, the reaction between HA and B~ will occur to a greater

HA + B = HB + A
stronger stronger weaker weaker
acid base acid base

The table below shows the strengths of different conjugate acid-base pairs.

ACID BASE
strong complete HNO; NO3~ weak extremely
acids dissociation — conjugate weak
HCl Cl bases bases
HsO" H20
acid H250, HSOs~ basic
strength CICH,COOH CICH.COO~ strength
decreases HaPO4 HoPO increases
HF F weak
weak HNO, NO5 bases
acids
CH3COOH CH.COO~
[Al(H20)]** [AI(OH)(H20)s)*
H,CO3 HCO3™
Ha.S HS™ l
NH4" NH3
H20 OH~
are weak NH3 NH4~ complete strong
essentially conjugate protonation bases
not acids acids
0 ¢ NH - = oH- «NH
e Ingeneral, HY « WH = = LH 3
a4 baye e add

strong Br@nsted- e HC!/ is a strong acid.

Ka of HC/ =1 x 107 mol dm™3

LOWry acids have e Cl-is said to be a weak __1.0x10™" _ 21 a3
weak conjugate bases | conjugate base. Ko of CI" = =~~~ = 1.00 x 1072 mol dm

weak Bronsted-Lowry
acids have strong
conjugate bases

¢ CH3COO-is said to be a
strong conjugate base.

¢ CH3COOH is a weak acid.

Ka of CH2COOH = 1.80 x 107% mol dm™3
Kb of CH3COO™ =

1.0x 107"
1.80x 10°5

99
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megree of lonisation, a

8.1 Defining degree of ionisation

i

» The degree of ionisation (or degree of dissociation), a, of an electrolyte can be defined as the
fraction of molecules which is ionised at equilibrium.

number of moles of molecules which are ionised at equilibrium

a = & e
number of moles of molecules present initially

= For strong acids/bases which ionise completely = a =1

* For weak acids/bases which ionise partially = 0 < ¢, < 1

» The degree of ionisation may also be expressed in percentage.

8.2 Variation of o. with concentration

e Consider a weak monobasic acid HA of concentration C, mol dm-3 and degree of ionisation «.

Concentration / mol dm= | HA(aq) = H*(aq) + A(aq)
Initial Co - -
Change —aCo +aC, +0.C,
Equilibrium Co(1— ) aCo aCo
= HTIAT @) (aCy) _ a?c,
7 L[HA] Co(1- @) (1-)
2
a“Cq
=5 e

e Consider a weak acid in which o is very small such that o << 1.
Then (1-a) ~ 1. In this case, the K, expression is simplified as shown below.

Ka = (X.Z Co o= &
Co

e Since K is constant at a given temperature, it can be seen from the last expression that for a
weak acid, a increases with increasing dilution (i.e. decreasing concentration of acid) and
is therefore not constant at a given temperature.

e For aweak base B of concentration C, mol dm= and degree of ionisation «, the above equations
apply with K of B replacing K of HA.

-
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Note:
Which is the best indicator of the strength of an acid: pH, o or K3?

e K, is the best indicator as it is constant at constant temperature and does not vary with the
concentration of the acid. The K; of a stronger acid is always larger than that of a weaker acid.

e« The pH of an acid varies with the concentration of the acid. The pH of a stronger acid can be larger
or smaller than that of a weaker acid depending on the cencentrations of the two acids.

e Like pH, the degree of ionisation, a, varies with the concentration of the acid. It increases with
decreasing concentration (or increasing dilution) of the acid. Like pH, it can be used to compare the
strength of acids only provided if the concentrations of the acids are the same.

8.3 Calculations involving o T

me® Worked Example 14 o &

The pH of 0.20 mol dm= NHs(aq) solution is 11.30 at 298 K. Calculate K, of NH; and the degree of
ionisation of NHs in this solution.

Solution
pH=11.30
pOH =14-11.30=2.70 = [OH]=102"=1.995 x 10* mol dm3
Concentration/mol dm- NHi(agq) + H.O() = NHs(aq) + OH~(aq)
initial 0.20 - -
change -1.995x 1073 +1.995x 1073 +1.995x 1073
equilibrium . 0.198 1.995x 1073 1.995x 1072

[NHs1[OH]  (1.995 x 10-%)(1.995 x 109)

- Ky = =2.01x10° mol dm~2

[NH3] -0.198
L 1.995 x 10~ )
Hence degree of ionisation = ——(—)—-é—o——— =998 x 103

Alternatively, degree of ionisation, a = ,ZkL- - jm— = 0.6100
9 T0.1

He® Worked Example 15 ol

Calculate the pH of 0.010 mol dm= CH3COOH solution if the degree of ionisation of CH;COOH is
0.041. Hence determine the K, of CHsCOOH.
Solution
Concentration / mol dm= | CH;COOH(aq) = CHsCOO-(aq) + H*(aq)
Initial 0.010 - -
Change —(0.041)(0.010) +(0.041)(0.010) +(0.041)(0.010)
Equilibrium 9.59 x 107 410 x 10 4.10x 10
pH= -l TH*] = -y (10 X107 = 3.5
K, Lot wo-J THY) (%10 x10°*) (‘f.uj x10™) 2 10 e A
T W, Lot] 9.59x 10
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n Salt Hydrolysis

‘ypes of salt solution

e Asalt may be defined as a compound formed by the reaction of an acid and a base. It contains
S a cation which originates from the base and -
S an anion which originates from the acid

e Some salts, when dissolved in water, form neutral solutions. Others form acidic or basic solutions
due to salt hydrolysis, which is a reversible reaction between the salt ions and water.

e Whether a salt solution is neutral, acidic or basic depends on the type of salt. There are four

types in this context as summarised in the table below. -
Combination of acid and base Example of Nature of solution
which gives rise to the type of salt salt formed and pH of solution at 25 °C

strong acid + strong base
* NaCl(aq) neutral, pH =7
e.g. HC/(aq) + NaOH(aq) — NaCl(aq) + H20(l)

* | strong acid + weak base

NH4Cl(aq) acidic, pH <7
e.g. HCl(aq) + NHa(aq) — NH4Cl(aq)
" weak acid + strong base .
~ CH3CO0™Na*(aq) basic, pH >7
e.g. CH;COOH + NaOH — CH3COO Na+ + H,0
weak acid + weak base ¢ acidic if Ka of cation > Kb of anion

CH3COONHs*(ag) | * neutral if Kaof cation = K of anion

- 81 bl 0N #iibly—» ChaOOOMHe: #1350 e basic if Ka of cation < Kb of anion

e Asaltwill undergo hydrolysis (i.e. reaction with water) if
= itsanionis a conjugate base of a weak acid and/or
= its cation is a conjugate acid of a weak base

e The table on the next page summaries how salt hydrolysis gives rise to acidic or alkaline
solution. Note that only ions that are the conjugate bases of weak acids or conjugate acids of
weak bases hydrolyse appreciably.
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(a)

Salt of a
strong acid
and

strong base

Example: sodium chloride, NaC/

This type of salt dissolves in water to form a neutral solution. In the solution,
complete dissociation of NaC/ occurs.

NaCi(s) + aq.— Na*(aq) + C/(aq)

Both the Na* and C/- ions are hydrated but they do not undergo hydrolysis. The
solution is reutral since [H*] = [OH].

Na* does not undergo hydrolysis due to its relatively low charge density (as
compared to Mg?* or AP* ions).

Being the anion of a strong acid (i.e. HC/), CI~ is a weaker base than water and
it does not undergo hydrolysis.

(b) | Saltofa - Example: ammonium chloride, NH4C/
strong acid . . . .. . .
and This type of salt dissolves in water to form an acidic_solution. In the solution,
weak base complete dissociation of NH4C/ occurs.
NH4Ci(s) + aq. — NHas*(aq) + Cl(aq)
Being the anion of a strong acid (i.e. HC/), CI- is a weaker base than water and
it does not undergo hydrolysis.
Being the cation derived from a weak base, NH4* is a relatively strong conjugate
acid (as compared to water) and it undergoes hydrolysis to give H3O" ions.
NHs*(aq) + H20(l) = NHs(aq) + HsO*(aq)
[HsO'] > [OHT], the slight excess of H3O* ions generated by the hydrolysis
reaction causes the solution to be acidic.
(c) | Saltofa Example: sodium ethanoate, CH;COO Na*
weak acid ) . 2 . . .
- This type of salt dissolves in water to form a basic solution. In the solution,

strong base

complete dissociation of CHzCOO~Na* occurs.
CH3COO~Na*(s) + aq. — Na*(aq) + CH3COO~(aq)
Na*does not undergo hydrolysis due to its low charge density.

Being the anion of a weak acid, CH3sCOO~ is a relatively strong conjugate base
(as compared to water) and it undergoes hydrolysis to give OH~ ions.

CH3COO~(aq) + H20(l) = CH3COOH(aq) + OH™(aq)

[OHT] > [H30%], the slight excess of OH ions generated by the hydrolysis
reaction causes the solution to be alkaline.

(d)

Saltof a
weak acid
and

weak base

Example: ammonium ethanoate, CH;COO™NH4*

CH3COO~NH4*(s) dissolves in water to form a very slightly acidic solution. In the
solution, complete dissociation of CH3:COO™NH4" occurs.

CHsCOONH4*(s) +ag. — NH4*(aq) + CHsCOO~(aq)

Both the NH4* and CHsCOO- ions undergo hydrolysis (see reasons given
above). The solution is weakly acidic because the Ka of NH4* is slightly larger
than the Ky of CH3COO".

26-




9.2 Calculations involving hydrolysis of a salt

me® Worked Example 16 ol

The K; of ethanoic acid is 1.8 x 105 mol dm™ at 298 K.
Calculate the pH of a 0.50 mol dm™ sodium ethanoate solution.

-—

Solution

The solution contains ethanoate ions which undergo hydrolysis to give OH- ions.

L Kw _ 1.0x10" NPT 5
Kb of CH3COO™ = Ky of CH;COOH — 18x10% = 5.56 x 107" mol dm

Let [OH"] = [CH;COOH] = y mol dm= at equilibrium.
Since CH3COO™ is a weak base with a very small Kp,
assume that at equilibrium, [CH3;COO"] =0.50 mol dm-3.

K of CHsCOO- = [CHsCOOH] [OH] Concl/molldm“3 c(l:gcooo—(aq) +H0() = CH;COOH(ag) + _OH~(aq)
= nitia i = -
[CHsCOO] ol S N N
e Equilibrium 0.50 -y y y
"~ 050
= 556 x 107" mol dm™3
v = J(S-S( x10-°)( 0 50) * {67 x 10° Note:
= a Kb of CH3COO" is needed here
=[OH] = 1667 X 107 el dm but is not given.
pOH = ,(3 (L66T x 1075) = 418 It can be calculated from the
i3 L P“H 0% 8T8 < g2 given K, of CHsCOOH.
pH = pkw - L

me® Worked Example 17 o

The Kb of NH3 is 1.74 x 10~° mol dm™3 at 298 K.
Calculate the pH of a 0.10 mol dm* ammonium chloride solution.
Solution:

The solution contains ammonium ions which undergo hydrolysis to give HsO* ions.

Kw 1.0 x 1014
fNHs" = = = 5.756 x 1010 o
Ka of NH,4 Ky of NHy ~ 1.74 x 105 75 x 107 mol dm

Let [H3O"] = [NH3] = y mol dm=2 at equilibrium.
Since NH," is a weak acid with a very small K,
assume that at equilibrium, [NH4*] = 0.10 mol dm3.

+ _ [NH3][H30%] Concentration/mol dm=3 | NHa*(aq) + HO(l) = - NHs(ag) + HsO*(aq)
G for NHL = e I I SRR
= ey equilibrium (0.10 —y) y Ly
=5.75x 107" mol dm™3
y = [Hs0*] = \/(5.75 x 10710)(0.10) Note:
= 7.583 x 10° mol dm™3 Ka of NH4" is needed here but is not given.
H =-1g (7.583 x 10%) =5.12 It can be calculated from the given K, of NHa.
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m Buffer Solutions

10.1 Definition

A buffer solution is a solution which is able to resist pH changes upon the addition of a small
amount of acid or base.

e A buffer solution contains both an acidic species and a basic species (both in relatively large
amounts) to react respectively with any base or acid added.

In general, there are two types of buffer solutions:

® acidic buffer which consists of a mixture of a weak acid and one of its salt
e Example: an aqueous mixture of CH;COOH and CH3;COO~"Na*

@ alkaline buffer which consists of a mixture of a weak base and one of its salt
e Example: an aqueous mixture of NH; and NH4C/

10.2 Acidic buffer -
(a) Composition of an acidic buffer

e An acidic buffer solution consists of a mixture of a weak acid and a salt containing its conjugate
base.

e Consider an acidic buffer consisting of a mixture of ethanoic acid and sodium ethanoate.

In this solution, ethanoic acid, being a weak acid, is only partially dissociated:
CH3;COOH(ag) = CH3COO7(aq) + H'(@aq)  .coeovivviiiiiieeeeee (1)

On the other hand, sodium ethanoate, a strong electrolyte, is fully dissociated:
CH;COO™Na*(aq) — CH3COO~(aq) + Na*(aq)  .......cceeveennen. (2)

e In accordance with Le Chatelier's principle, the presence of CHsCOO™ ions from the complete
dissociation of CH:COO~Na* further suppresses the dissociation of CH;COOH such that the
equilibrium position of reaction (1) lies very much to the left.

e Hence the buffer solution contains relatively high concentrations of both CH3COOH and
CHsCOO~. The buffer solution is said to contain a large reservoir of CH;COOH (acidic species)
and a large reservoir of CH3;COOQO~ (basic species).

(b) Action of the acidic buffer solution

e Addition of a small amount of acid (i.e. H" ions)

= When a small amount of H* ions is added to the solution, the following reaction occurs:

NW‘TO'I-‘T-’JN\— fwd"ﬂ\ Wi+

- wt = -

= The presence of a large reservoir of CH3COO" ions in the solution ensures that nearly all the
added H* ions are removed.

CH;COO7(aq) + H*(aq) — CH3COOH(aq)

= Hence [H']in the solution changes very little and the pH is kept approximately constant.
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e Addition of a small amount of base (i.e. OH" ions)

= When a small amount of OH" ions is added to the solution, the following reaction occurs:

CH3COOH(aq) + OH-(ag)—> CHsCOO(aq) + H:0(l)

= The presence of a large reservoir of unionised CH;COOH molecules in the solution ensures
that nearly all the added OH- ions are removed.

* Hence [OH7] in the solutio_n changes very little and the pH is kept approximately constant.

(c) Diagrammatic representation of how an acidic buffer works

Buffer solution just after Buffer solution with relatively high Buffer solution just after
the addition of a small concentrations of both the weak the addition of a small
amount of H* ions acid and its conjugate base amount of OH-ions

_ H* _ OH- _
CH;COO CH;COOH | «— | CH;CcO0 CH;COOH ———> | CH;COO CH3:COOH
[CH:COOH «— H' + CH,COO™ | [CHiCOOH + OH™ —» CH:COO™ + H,0 |

10.3 Basic buffer

(a) .Composition of a basic buffer

* An alkaline buffer solution consists of a mixture of a weak base and a salt containing its
conjugate acid.

e Consider an alkaline buffer consisting of a mixture of ammonia and ammonium chloride.

In this'solution, ammonia, being a weak base, is only partially ionised:
NHs(aq) + H20(l) & NHs*(aq) + OH(aq) ..............(1)

On the other hand, ammonium chloride, a strong electrolyte, is fully dissociated:
NHsCl(aq) — NHs*(aq) + Cl(aq)  ...................(2)

* In accordance with Le Chatelier's principle, the presence of NH.* ions from the complete
dissociation of NH4C! further suppresses the ionisation of NH; such that the equilibrium position
of reaction (1) lies very much to the left.

» Hence the buffer solution contains relatively high concentrations of both NHs and NH4~ The
buffer solution is said to contain a large reservoir of NH; (basic species) and a large reservoir of
NH.* (acidic species).
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(b) Action of the basic buffer solution

o Addition of a small amount of acid (i.e. H* ions)

« When a small amount of H* ions is added to the solution, the following reaction occurs:

NHs(aq) + H*(ag) — NHs*(aq)

= The presence of a large reservoir of unionised NHs; molecules in the solution ensures that
nearly all the added H* ions are removed.

= Hence [H*] in the solution changes very little and the pH is kept approximately constant.

« Addition of a small amount of base (i.e. OH™ ions)

« When a small amount of OH" ions is added to the solution, the following reaction occurs:

NH.*(aq) + OH-(aq) —> NHs(aq) + H20()

= The presence of a large reservoir of NH," ions in the solution ensures that nearly all the
added OH- ions are removed.

= Hence [OH] in the solution changes very little and the pH is kept approximately constant.

me Exercise 4 ®H [N2003/1/33]

Which of the following could act as buffer solutions?
NaHCO; and Na.COs S 2 CH3CO;H and NaCl 3 HNO3z and NaNO;

we (L,*) ¢ mgaml (Hws ") WA (U roH) bt e

[
oy b g el

mH Calculations involving Buffer Solutions

111 The relationship between pH, pK.and composition of an acidic buffer

e Consider a buffer solution containing a weak acid HA and a salt of the acid Na*A-~.

conc/moldm-2 | HA@a) = H*(aq) + A-(aq)

Na*A-(aq) — Na*(aq) + A~(aq) initial Co - Do
HA(aq) = H(aq) +A(ad) T s
=~ Co ~ Do

e HA, being a weak acid, undergoes partial dissociation in the solution. The dissociation of HA is
further suppressed by the presence of A-ions from the complete dissociation of Na*A-. Hence at
equilibrium, only a very small amount of HA has dissociated.

e Hence at equilibrium,

[HA] ~ initial [HA] [A7] = initial [A7] [H'] = [AT]
In the solution, all the | In the solution, all | « In the solution, due to the presence of A~ from
HA molecules can be | the A" ions can Na*A-, [H] = [AT].
assumed to remain be assumed to e Ifthe solution contains only the weak acid HA (i.e.
undissociated. come from Na*A™. Na*A- is absent), then [H*] = [A7].
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_ [HTA]

e At equilibrium, K = AT
. . _ . [A7]
Taking logarithms to base ten, lg Ka = Ig [H*] +1Ig (ﬁ)
Multiplying by =1, —lgKa = —Ig [H'] - 1g ()
| plying by —1, a g [HA]
. [A-
Substituting pH = —Ig [H*] and pKa, = — Ig Ka, pKa = pH—Ig (m
* Rearranging the above expression gives the following expression:
[AT] = baue [salt]
. a | — H = " 8
pH pK. + Ig ([HA]) or P pKa + Ig ([acid])

The above expression is called the Henderson-Hasselbalch equation for a buffer
solution consisting of a weak acid and its salt.

* The Henderson-Hasselbalch equation can be used to calculate the following:
¢ the pH of a buffer solution,
* how much acid or salt is needed to make a buffer solution of required pH,

* the effect on the pH of a buffer solution when a small amount of acid or base is added.

11.2 The relationship between pH, pK, and composition of a basic buffer

e Consider an alkaline buffer solution containing NHa and NH4C/.

NHsCl(aq) — NH4*(aq) + Ci-(aq)
NHas(aqg) + HO() = NHs*(aq) + OH (aq)

e In asimilar manner as that in Section 11.1, the following expression can be derived.

[salt]

[NH4*]) ol - )
[base]

OH = pK, + —

or POH = pK, + Ig(

The above expression is called the Henderson-Hasselbalch equation for a buffer
solution consisting of a weak base and its salt.
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11.3 Calculating the pH of buffer solutions

me Worked Example 18 oR

Calculate the pH of a solution containing 0.50 mol dm™ of methanoic acid, HCOOH, and
2.5 mol dm~ of potassium methanoate, HCOOK*. K, for HCOOH = 1.6 x 10~ mol dm™.

dhmadre  suln’ I(N-. M:]___

Solution

: i)
HCOOK*(aq) —> HCOO(aq) + K*(aq) )
HCOOH(aq) = HCOO-(aq) + H*(aq) (H'] = ke CHlont]

The given solution is an acidic buffer.
[HCOO]

[HCOOH]) = —Ig (1.6 x 107 + Ig(

For this acidic buffer, pH = pKa + Ig ( ) =4.49

0.50

me® Worked Example 19 oR

Calculate the pH of a solution that is formed by mixing equal volumes of 0.40 mol dm™ NHs(aq) and
0.20 mol dm=2 NH4Cl(aq). The pKy of NH3 is 4.75.

Solution
Let V dm? be the volume of each solution, NHs(aq) and NH4Cl(aq), used.

At equilibrium in the resultant solution,

ofoxy o4OV B P
[NHs] ~ initial [NHs] in the solution after mixing = —vev 2v 0-30 Mo
0-20xV 2NV -3
[NH4*] ~ initial [NH4"] in the solution after mixing = —"vﬁ_‘ : L;r—' > 910 med du
The resultant solution is a basic buffer. o
Ha* Q-
For this buffer solution, pOH = pKy + Ig ([ “hy o g+ Ly L=z )

[H]

PH = pKw—pOH = It~ 15 = 4.5§

me® Worked Example 20 oH

Calculate the pH of a 1 dm® solution. prepared by mixing 0.04 mol of NaOH and 0.10 mol of
CH3COOH. The pKa of CH;COOH is 4.74.

Solution
Upon mixing, an acid-base reaction occurs: CH3COOH(aq) + OH7(agq) —— CH3COO~(aq) + H20(l)

Since initial n(CH;COOH) > n(OH") added, some CH3COOH remains unreacted and the resultant
mixture contains both CH3COOH and CH3;COO~ = an acidic buffer is formed

After mixing,

n(CH3;COOH) left = initial n(CHs;COOH) — n(CH3COOH) reacted = 0.10 - 0.04 = 0.06 mol

n(CH3COO") = n(OH") added = 0.04 mol -

. [CH3COOH] = 0.06 mol dm= and [CH3COO] = 0.04 mol dm™

For this acidic buffer, pH = pKa + lg (-—— Ll )= 474419 (o) - 4564 = 456
[CH3COOH ] 0.06
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11.4 Calculating the change in pH of buffer solutions

e Worked Example 21 on

Calculate the change in pH when 0.001 mol of solid potassium hydroxide is added to 1 dm?® of
water.

“Solution

Since water is neutral, pH of water = 7.0 (at 298 K)

After addition of KOH,

[OH"1 in the solution = 1.00 x 102 mol dm-

pOH = —Ig [OH-] = —Ig (1.00 x 10-%) = 3.00

At298 K,pH=14 —-pOH=14-3.00=11.0
Change in pH = final pH — original pH = 11.0 — 7.0 = + 4.00 = increase in pH of 4.00 units

He® Worked Example 22 o

Calculate the change in pH when 0.001 mol of solid potassium hydroxide is added to 1 dm? of the
buffer solution prepared in Worked Example 20.

Solution

pH of the buffer solution = 4.564
Initial amount of CH3;COOH present in the buffer = 0.06 mol
Initial amount of CH3;COO~ present in the buffer = 0.04 mol

Upon the addition of OH™:  CH3COOH(aq) + OH(aq) ——> CH3COO~(aq) + HO(l)

n(CHsCOOH) left = initial n(CHsCOOH) — n(CHsCOOH) reacted
=0.06 —0.001 = 0.0590 mol

n(CH;COO") present = initial n(CH;COO") + n(CHsCOO") formed
=0.04 + 0.001 = 0.0410 mol

At equilibrium in the resultant solution after reaction,
[CH3COOH] ~ [CHsCOOH] left after reaction = 0.0590 mol dm=3
[CH3COO]~ [CHsCOO] present after reaction = 0.0410 mol dm-2

The resultant solution is an acidic buffer.
[CHsCOO]
[CH3COOH ])
0.0410
0.0590

For this acidic buffer, pH = pKa + Ig (

= 4.74 +1g ( ) = 4.582

Change in pH = final pH — original pH = 4.582— 4.564 = +0.018 = increase in pH of 0.018 units

e Note: Compare the answers for Worked Examples 21 and 22.

Worked E.g. Solution Original pH | pH after addition of 0.001 mol KOH Chénge in pH
21 1 dm3 of water 7.0 11.0 +4.00
22 1 dm? of buffer 4.564 4582 +0.018

Thereis a significantly smaller change in pH when the same small amount of KOH is added to a
buffer solution than to water.
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m More on Buffer Solutions

12.1 Buffer capacity and effective buffer range

(a) Buffer capacity

The buffer capacity of a buffer is a measure of its ability to resist pH change and depends on
both the absolute and relative component concentrations.

In absolute terms, the more concentrated the components of a buffer, the greater the buffering

capacity.

Consider the following two acidic buffer solutions.

- | Buffer | Components in a 1 dm® solution pH
(1) 1 mol dm=3 CH3COOH and 1 mol dm= CH;COO Na* 474
(2] 0.1 mol dm= CH3COOH and 0.1 mol dm= CH:COO-Na* 474

change in buffer ® than buffer 6.

obtain the same pH change.

* Adding the same amount of H* ions (or OH"~

In this case, buffer @ has greater buffer capacity than buffer @.

ions) to each buffer will produce a smaller pH

= A larger amount of H*ions (or OH" ions) will have to be added to buffer ® than buffer ® to

Buffer capacity is also affected by the relative concentrations of the buffer components.

when they are different.

= For a given addition of acid or base, the buffer component ratio (i.e.

[salt]

[salt]
[acid] it

- [base]

) changes

less (and hence the pH changes less) when the component concentrations are similar than

= |t follows that a buffer has maximum buffer capacity when

Hence maximum buffer capacity is attained at

pH = pKa

[saH] = Tacid]

[sa.m = 1 for an acidic buffer or when sall 1 for an alkaline buffer.
[acid] [base]
Acidic buffer Alkaline buffer
[salf] [salt] [salt] [sall]
Wh =1 H=pKs+I Wh =1 =

®Maciq) -+ P TPRT ([acid]) e pase]  + POH=PKo*lg ([base])
=pKa +1g 1 =pKp +1g 1
= pKa = pKo

Hence maximum buffer capacity is attained at

pPOH = pK,

Lsalt] ~Lbas]

A buffer solution is most effective in resisting changes in pH when the following requirements are

met:

® The number of moles of both the weak acid (or weak base) and its salt are large relative to
that of the acid or base to be added to the buffer solution.

@ The weak acid (or weak base) to salt concentration ratio is close to 1:1.
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(b) Effective buffer range

e The effective buffer range is the pH range over which the buffer acts effectively in keeping pH
approximately constant, and it is related to the relative component concentrations.

[salt]

e In practice, an acidic buffer is effective provided: 0.1 < facid] <10
[salt]
When —— = 0.1 PH=pKa+1g 0.1 = pKa—1
[acid]
[salt]
When —— = 10 PH =pKs+1g 10 = pK, + 1
[acid] .

e This means that the effective buffer range is from pH = (pKa— 1)to pH = (pKs + 1).

Effective buffer range of an acidic buffer = pPKat 1

12.2 Effect of dilution on the pH of buffer

A—
e Foran acidic buffer containing a weak acid HA and its salt Na*A~, pH=pK, + Ig (_[[HA])'

» From the equation, it can be seen that diluting the buffer has no effect on the pH because [HA]

A
and [A7] are reduced to the same extent (i.e. the value of [[H—A]] is unchanged).

e  Similarly, for an alkaline buffer containing a weak base B and its salt BH*, dilution has no effect
on pOH (and hence pH) since [B] and [BH*] are reduced to the same extent.

e However, note that dilution has a marked effect on buffer capacity. It reduces the ability of the
buffer to cope with contaminating acid and base.

12.3 Preparing a buffer solution

e  Consider the Henderson-Hasselbalch equation as applied to acidic buffers.

|+ There are two terms on the right-hand
side, which determine the final pH of the
solution.

e The first term is pKa,, whose value is
responsible for the ‘coarse selection’ of
1st tem 2rd tem pH.

the pK,, value of the acid chosen  the [salt]/[acid] ratio can Th i 4 ol " .

s . be adjusted to achiewe . e second term involves the ratio
thid d:g;hls?_iabom Tt the dtjesired pH [salt}/[acid] and provides the fine tuning’
° i to the final desired pH.

-
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He® Worked Example 23 oR

What mass of sodium ethanoate must be added to 1 dm? of 1.0 mol dm= ethanoic acid to produce a
buffer of pH 4.5? The pKs of ethanoic acid is 4.8.

—

Solution

[CH"‘COO_]]) (Acidic buffer)

PH = pKa +19 (51 soon

4.5 = 48 + Ig ([CHsCOO7/1)

203 ~
[CHCOOT = 107°7 = g 5o psl dn

Amount of CHsCOO-Na* needed = Amount of CHsCOO- = Ud?) (053] pol dn?) - 0.50] ml

Molar mass of CH;COO™Na* = 82 g mol™’
Hence mass of CH:COO™Na* to be added = (0-501)(¢2) = 4I.I p-

124 Blood as a biological buffer
e The pH of human blood is maintained between 7.35 and 7.45 even though the concentration of
carbon dioxide and thus carbonic acid in the blood varies greatly.

e The pH of blood must be kept approximately constant so that the enzymes in the blood can
function. Enzymes only work over a narrow range of pH. Death may result if the pH falls below
6.8 or rises above 7.8. .

e The control of pH in the blood is achieved using different buffers: the H.CO3/HCO;~ buffer, the
H,PO4/HPO.,? buffer, and plasma proteins.

The H.CO-/HCO3~ buffer in blood

¢ One of the important buffers in human blood is made up of carbonic acid (H.COs) and the
hydrogencarbonate ion (HCO3"):

H>COs(aq) = HCOs(aq) + H*(aq)

The carbonic acid in the blood originates from dissolved carbon dioxide. The latter enters the
blood from tissues as the by-product of metabolic reactions:

COz(g) + H20(l) = H2CO0s(aq)

e If the concentration of H* ions in the blood increases (e.g. from lactic acid produced from
exercise), the HCO3™ present reacts with the additional H* ions and thus the pH remains virtually
unchanged.

HCOs;(aq) + H'(ag) — H2CO3(aq)

e If the concentration of OH™ ions in the blood increases, H.CO3 present reacts with the additional
OH- ions and thus a constant pH is maintained.

H.COs(aq) + OH (aq) — HCO3 (aq) + H20(l)
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Acid-Base Titration and Indicators

13.1 Equivalence point and end-point

13.2 Use of indicators during acid-base tifrations =~

The aim of any titration is to determine the volumes of two solutions which just react with each
other completely. This occurs at the equivalence point and it marks the completion of the
titration.

In an acid-base titration, the equivalence point is the stage reached when the amount of acid
needed to react with the amount of base is precisely that required by the stoichiometric equation.

In practice, the completion of an acid-base titration can be detected by a distinct colour change
brought about by the use of a suitable indicator. The point during titration at which this distinct
colour change occurs is called the end-point of the titration.

The use of a suitable indicator will ensure that the end-point of the titration is very close to the
equivalence point of the titration.

During an acid-base titration, there is a change in pH as the base is added to the acid or vice
versa. This change in pH during the course of a titration depends largely upon the strengths of
the acid and base used.

As shown in the table below, there are four main types of acid-base titrations but only three of
them can employ suitable indicators to help identify the equivalence point.

This is essentially because, for the equivalence point of an acid-base titration to be identifiable
using an indicator, the pH near the equivalence point must change sharply by several units. This
does not occur in the case of a weak acid-weak base titration.

Types of acid-base titration

Type of titration Acid Base Regplanccr)‘far:;éked Suitable indicator

methyl orange
screened methyl orange

strong acid — strong base HCl(aq) NaOH(aq) 4-10 thymol blue
thymolphthalein
phenolphthalein

. methyl orange

strong acid — weak base HCl(aq) NHs(aq) 35-6.5 screened methyl orange
thymol blue

weak acid — strong base | CH3COOH(aq) | NaOH(aq) 75-10.5 thymolphthalein
phenolphthalein

weak acid — weak base | CHsCOOH(aq) | NHs(aq) | no marked change | ho suitable indicator

Acid-base indicators such as thymolphthalein and methyl orange are substances which change
colour according to the hydrogen ion concentration of the solution to which they are added.
Consequently, they are used to test for acidity and alkalinity. They are also used to detect the
end point in acid-base titrations.

Acid-base indicators are usually weak acids or weak bases. When dissolved in water, they
dissociate slightly forming ions.
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(a) Indicators as weak acids

(b) The pH range of an acid-base indicator

®

Consider an indicator which is a weak acid with the general formula HIn. In aqueous solution, the

following equilibrium is established:

—_—

e The equilibrium constant expression for the reaction is
HIn(aq) = H*(aq) + In*(aq) given in the left-hand box below. -
acid conjugate base | ® It can be used to derive the equation which shows the
In~
colour A ealmir 5 relationship between pH and Ly .
- [HIn]
[(H] [In"] [In7]
Kin = — H = pKin +
‘ [HIn] ki o ( [HIn] )

When the indicator is added to an acidic solution, the relatively high [H*] in the solution causes
the equilibrium position of the above reaction to shift to the left.

= Colour A will be observed since [HIn] > [In7].

When the indicator is added to an alkaline solution, the OH~ ions in the solution react with the H*
ions from HIn and this causes the equilibrium position to shift to the right.

= Colour B will be observed since [In7] > [HIn].

Hence the indicator colour that is observed depends on the relative proportions of HIn and In™.
The relative proportions of HIn and In~ in turn is affected by the [H*] in the solution.

Each acid-base indicator has a pH range over which it changes colour. The colour change of an
indicator is due to the change from one coloured form to another.

Typically, the human eye sees

[HIn]
[In7]

colour A when

>10

[In7]
[HIn]

colour B when >10

Consider a titration experiment in which an indicator HIn(aq) is added to an acid solution in a
conical flask and this solution is then titrated against a base placed in the burette. In this case,
the indicator will be changing from colour A to colour B during the titration. This colour change

can be summarised as follows:

[HIn}/[In"]

Remark pH

[HIn}/[In"]> 10 | Colour A'is observed.

[HIn}/[In"] =10 | Change of colour starts though colour A still dominates. pH = pKin — 1

[HIn}/[In7] = 1 Mid-point of colour change. Observed colour: colour A + colour B pH = pKin

[HIn})/[In"]= 0.1 | Change of colour ends and colour B now dominates. pH = pKin + 1

[HIn)/[In"] < 0.1 | Colour B is observed.

From the above table, the colour-change interval is accordingly from

pH=pKin-1 to pH=pKn+1 (ie overapproximately two pH units)

pH range of an indicator = pKin = 1
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The pH ranges of selected indicators are shown in the table below:

Indicator pKin approximate colour in colour in colour at
at 25 °C pH range ‘acid’ solution | ‘basic’ solution | — end-point
methyl orange 3.7 3.1-44 red yellow orange
screened methyl _ .
orange 3.1-44 violet green grey
bromothymol blue 7.0 6.0-76 yellow blue green
thymol blue 8.9 8.0-96 yellow blue green
. light blue (if titrant is alkali)
thymolphthalein 9.9 9.3-10.5 colourless blue colourless (iffitrant is acid)
) . light pink (if titrant is alkali)
= : 8.3 -10. I k
phenolphthalein 9.2 3-10.0 colourless pin colourless (ifftrant is acid)

(c)

(d)

The pH at the end-point of a titration

For the titration experiment described in (b), the end-point of the titration is reached when the
indicator used gives a distinct colour change, i.e. from colour A to a colour that results from the
combination of colour A and colour B.

This end-point is reached when the indicator colour observed is a combination of the two
extreme colours and this occurs when:

[In7]
[HIn]

[HIn(aq)] = [In~(aq)] = pH = pKin + Ig ( ) =pKin+1g1= pKn

centre of the pH range of the indicator used.

Hence at the end-point of the titration, . The pH at the end-point is generally the
d :

Note: The end-point is a property of the indicator and does not necessarily show that the reaction
between acid and base is complete.

Choice of indicators

Essential characteristics of a suitable indicator:

® The colour change of the indicator must occur when the correct volume of titrant is added from
the burette, i.e. the pH range over which the colour change takes place must be such as to
indicate when the reaction (as shown by the equation) is complete.

@ The indicator must give a sharp end-point in the titration, i.e. it must change colour distinctly
upon the addition of one drop of the titrant from the burette.

The choice of an indicator for an acid-base titration depends on the

* type of titration carried out and
* pH range of the indicator

The ideal situation would be to choose an indicator such that the end-point of the titration
coincides exactly with the equivalence point of the titration. This occurs if the chosen indicator
has a pKin value which is identical to the pH of the resulting solution at the equivalence point. In
other words,

A suitable indicator is one where its pH range coincides with the region of rapid pH change
in the titration curve (i.e. the pH range of the indicator must fall on the vertical portion of the
titration curve).
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EZY Acid-Base Titration Curves

14.1 Types of titration curves

« Atitration curve is a graph of pH against volume of an acid or base.

e It shows how the pH of an acid (or base) solution in a conical flask changes as it is neutralised by

the addition of a base (or acid) from a burette.

e There are 4 main types of titration curves based on the 4 types of acid-base titration.

Strong acid — Strong base Titration

Suitable indicators:
phenolphthalein,
methyl orange, elc.

Titration of 25.0 cm? of 0.10 mol dm-3 HCl(aq)
against 0.10 mol dm-* NaOH{aq) <

burette R
\ i3 T
1 3 ‘
=4 =ﬁ :1)= 5D
3 pH

ihymolphlhalein

pH mater

4 = methyl orange ¢

e L P4 2 3 A% 3
Start with 25.0 cm® of a3 @B 132 B XN OB £ BN
0.10 mol dm™ HCI Volume of NaOH({aq) added/cm?
in the conical flask

Strong acid — Weak base Titration

Suitable indicator:
methyl orange

Titration of 25.0 cm? of 0.10 mol dm-2 HCl(aq)
against 0.10 mol dm= NH;(aq)

a

puratte
N— 12
+ I3
] 0+
H

Start with 25.0 cm® of g D e
¢ W 15 20 25 % 3 4 & 50
0.10 mol dm=> HCI 5

in the conical flask Volume of NHs(aq) added/cm?®

Weak acid — Strong base Titration

Titration of 25.0 cm? of 0.10 mol dm-3 CH;COOH(aq)
against 0.10 mol dm-? NaOH{aq)

Suitable indicator:
phenolphthalein

buretie =
\

==-==T§= 12 S

i
|

JEREFRTEY

oH thymolphthalein
8-

g
i X \ pecifivl orange  (not sutable
v ) Y /
i { ) 2

A
Start with 25.0 cm’ of 3
0.10 mol dm~* CH;COOH 2
in the conical flask

EREC I I

Volume of NaOH(aq) added/cm?

Weak acid — Weak base Titration

No suitable indicator, Titration of 25.0 cm® of 0.10 mol dm* CH;COOH(aq)

agalinst 0.10 mol dm NH;(aq)

2
04 .
i thymolphthalein S T
51 ] /'/’_‘
pH § {nat suitable) ;_(" -
ER S e
H o
| P
43@;’!’0:333
. | (not suitable)
1
{ i i
al . : 4
Start with 25.0 cm?® of o5 % 15 2 B3 XN OB W & R

0.10 mol dm™ CH3COOH

‘itha Gonical flask Volume of NH3{aq) added/cm®

e Important parts of a titration curve

initial pH
2 (for SA-WB and WA-SB titrations only)

region where solution is a buffer
solution

e pH of solution at maximum buffering
capacity

3 region near the equivalence point
(i.e. region of drastic pH change)

« pH of solution at equivalence point
4 region after the equivalence point
- « final pH of solution

- Weak base — Strong acid Titration

Titration of 25.0 cm? of 0.10 mol dm™ NHi(aq)
against 0.10 moi dm< HCl{aq)

Note: The base is
in the conical flask.

0 5 10 15 20 25 30 35 40 45 S0
Volume of HCl(aq) added / cm?

Start with 25.0 cm?® of
0.10 mol dm™3 NHs
in the conical flask
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14.2 Titration curve of a strong acid-strong base titration

The graph below shows the change in pH of the reaction mixture when 0.100 mol dm-3 of NaOH was

added to 25.0 cm® of 0.100 mol dm=3 HCL 6 ot o hlts s, . 6) wirket e ol indivdny A o b el

Strong Acid — Strong Base Titration

Suitable indicator: methyl orange

{4 - thymolphthalein
13 - ®

pH

0 5 10 15 20 25 30 35 40 45 50
Vol of aq NaOH/ cm 3

® The initial pH is low because the acid used is a
strong acid. -

pH remains low from 0.00 to 25.00 cm?® as the
solution still contains strong acid that has not yet
been neutralised.

@ This is the region of rapid pH change.

* There is a sudden increase in pH over the
equivalence point (pH 4 to pH 10) when one or
two drops of base are added from the burette.

= At the equivalence point E, the pH of the
resultant solution containing NaC/(aq) is 7. rhd of U

® After E, excess NaOH is added. The titration curve
flattens out at a high pH value since the base used
is a strong base.
(PH<13 due to dilution by titrant added)

the midpoint between the two intersections.

Note: The equivalence point E is found by extrapolating the linear portions of the titration curve (®, @ & ®) and taking

Calculation of pH at various parts of the titration curve:

(1) Initial pH = pH of strong acid
Solution is an agueous solution of strong acid.
[H*] = [HC/(aq)]
=0.10 mol dm™3
pH = -Ig [H*] = -Ig (0.10) = 1.00

(iii) pH at equivalence point (point E)

At equivalence point, HC/ has been exactly
neutralised by NaOH.

The resultant solution is NaCl(aq).

Since Na* and C/~ do not hydrolyse in Water, the
resultant solution is neutral.

At 25 °C, pH of a neutral solution is 7.

(ii) pH of mixture when 8.00 cm3® of NaOH(aq) is
added. (Before equivalence point E)

H*(aq) + OH~(aq) — H20()
n(OH") = 0.008 x 0.10 = 0.0008 mol
N(H*)reactea = 0.0008 mol
N(H*)initial = 0.025 x 0.10 = 0.0025 mol
= H*is in excess.
n(H*) left = n(H*)initial — N(H*)reacted
=0.0025 - 0.0008 = 0.0017 mol
Volume of reaction mixture = 25.0 + 8.00 cm?

=33.0cm?
o = N(HY) _ 0.0017 _ 5
[H*] = v =003 0.05152 mol dm

pH = — Ig [H*] = —Ig (0.05152) = 1.29

(iv) pH of mixture when 32.00 cm? of NaOH(aq) is
added. (After equivalence point E)

H*(aq) + OH~(aq) — H20(l)
n(OH") =0.032 x 0.10 = 0.0032 mol
n(H")inital = 0.025 x 0.10 = 0.0025 mol
= OH~is in excess.
N(OH")excess = N(OH~) — n(H*)initial
=0.0032 - 0.0025 = 0.0007 mol
Volume of reaction mixture = 25.0 + 32.00 cm?3

=57.0cm3

[oH] =220 = She = 0.01228 mol dm-

pOH = —Ig [OH] = 1.911

pH = 14-pOH = 12.1

H® Exercise 5 8 [N2012/1/11]

A 1dm?® solution was made by mixing 0.0040 mol of HCl(aq) and 0.0025 mol of NaOH(aq).

What was the pH of the resulting solution?

A 219 B 240 C 260
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14.3 Titration curve of a weak acid—strong base titration

The graph below shows the change in pH of the reaction mixture when 0.100 mol dm= of NaOH was

added to 25.0 cm?® of 0.100 mol dm= CH3;COOH

Weak Acid — Strong Base Titration

Suitable indicator: thymolphthalein

°I

[YSNN TONNS NN NN TN U O VNG UMM N B N O |

O=NWbhbOAOAN®WO

T T T T ]
15 20 25 30 35 40 45 50

o
(S,
-
o

Volume ofagNaOH/cm 3

(Ka of CH3COOH = 1.8 x 10~° mol dm™):

@® The initial pH is not very low (1 < pH < 7) since a
weak acid is used. (pH may be calculated using the

formula [H*] = \/K,C,).

@ Change in pH is fairly constant due to the formation
of an effective buffer when large amounts of the
weak acid and its salt are present.

pH at ¥; equiv pt (M) (where [HA]J=[A"]) = pKa

® The region of rapid pH change is shorter and occurs
at a higher pH range than that for a SA-SB titration.

At equivalence point E,

= CH3COOH is exactly neutralised by NaOH

= The resultant solution is CHs:COO~Na*(aq).

= pH > 7 as CHsCOO™ hydrolyses in water to give
OH-".

@ After E, the base is in excess. The titration curve
flattens out at a high alkaline pH value (e.g. pH
12.5) since the excess base present is a strong
base.

Calculation of pH at various parts of the titration curve:

(i) Initial pH = pH of weak acid
Solution is an aqueous solution of weak acid.
[H*] = JKaCo = V1.8 % 10™ x0.100
=1.342 x 10 mol dm™3
pH = -Ig [H*]
=-Ig (1.342 x 1073)
=287

(iii) pH at half-equivalence point (point M)

Half-equivalence point is the point at which half the volume
of NaOH(aq) needed for neutralisation is added.

At this point, CH3COOH is half-neutralised.
n(CHsCOOH) = n(CH3COO")
Hence, [CH3COOH] = [CH3COO]

[CH:CO0"]
[CH3COOH ]

(Note: pH at half-equivalence point = pKa)

pH =pKa+1g = pKa+1g (1) = pKa = 4.74

(ii) pH of mixture when 8.00 cm® of NaOH(aq) is | (iv) pH at equivalence point (point E)

added. (region @)

CH3COOH + OH~ — CH3COO~+ H20

n(CHsCOO") = n(OH") = 0.008 x0.10 = 0.0008 mol
N(CH3COOH)reacted = 0.0008 mol

N(CH3COOH)iert = N(CH3COOH)initial — N(CH3COOH)reacted

At equivalence point, the mixture present is a solution
of CHsCOO~Na*.

CH3COO~+ H20 = CHsCOOH + OH-

n(CH3COO") = 0.025 x 0.10 = 0.0025 mol
Volume of reaction mixture = 25.0 + 25.0 cm?3

(0.025)(0.10) - (0.008)(0.10) = 0.0017 mol =0.050 dm3
The resultant mixture is a buffer containing = 0.0025 _ 3
CH3COOH and CHaCOO-. [CHALOOT] = rep = 0050 mof dus

_ [CHsCOOT] _ 0.0008/V 4o [k _ Jm x 1014
PH = pKa+ 19,5 coon1 - et Ig(0.0017N) [OHT= J % “Co= orme 0460

= _ig (1.8 x 10°5) + Ig (0.4706)
= 4.745-0.3272 = 4.42

=5.270 x 108 mol dm=3
pOH = -Ig [OH"] = 5.278, pH = 14 - pOH = 8.72

(v) pH of mixture when 32.00 cm? of NaOH(aq) is added. (region @)
n(OH-) added = 0.032 x 0.10 = 0.00320 mol, n(CH3COOH) present initially = 0.025 x 0.10 = 0.0025 mol

0.0007

n(OH") in excess = 0.0032 — 0.0025 = 0.0007 mol, [OH] = ————=0.01228 mol dm3

pOH = —Ig [OH-] = 1.911, pH = 14-pOH = 12.1

0.025 +0.032
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=me® Worked Example 24 om

The graphs on the right show the change in
pH of the reaction mixture when 0.10 mol dm™3
NaOH(aq) is gradually added separately to
25.0 cm?® of 0.10 mol dm= CH;CH,COOH(aq)
and 25.0 cm® of 0.10 mol dm= HCl(aq).

(a) State two reasons why the dotted graph is
due to HC/.

(b) Determine the Ka of propanoic acid using
relevant data from the graph.

Solution

(a) Firstly, HCl(aq) is a strong acid and
ionises completely in aqueous solution.

Thus its initial pH = -Ig (0.10) = 1.0

12

11

10

FITT
T

5

<

Q

H- =

o L
L
=

o

2,

[3)

]

)

Q.

HHH
0 5 10 15 20
Volume of NaOH added/cm3

25

30

Secondly, HC! reacts with NaOH to form NaC! which contains ions that do not hydrolyse in water.
Thus, for the titration involving HC/, pH at equivalence point = 7 which corresponds to the dotted

graph.

(b) Method 1: pH at half-equivalence point = pK,

For a weak acid-strong base titration, pH at % equivalence (or neutralisation) point = pKa.

Hence pKa can be found by finding the pH at % equivalence point which is the point when % the
volume of titrant needed for equivalence point’is added.

Since volume needed for complete neutralisation is 25.00 cm?®, half-equivalence point is the

point at which 12.50 cm? of aq NaOH is added.

From graph,
pH when 12.50 cm® of aq NaOH is added = %80

Thus pKa = pH at % equivalence point = 4.0

Ka=1072= 107 _ 15} ¢ (07 poldm™

Method 2: Initial pH of weak acid

Let HA represents propanoic acid.

From the graph, initial pH of HA = 290

Ha < H A

Initial [H*] = 0>, 0. 001255 pul do”

[AT=[H]= 0.601259 neldm™ ol
[HA]= 0.0 = 0.601279 = 0.¢45 T¢ ol o3

Kaz—'A—z l.l{KloJ m’dw-;
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14.4 Titration Curve of Weak Base — Strong Acid Reaction

The graph below shows the change in pH of the reaction mixture when 0.100 mol dm= of HC/ was
added to 25.0 cm?® of 0.100 mol dm= NH3s (Kb of NHs = 1.74 x 107 mol dm™3).

Weak Base — Strong Acid Titration

Suitable indicator: methyl orange

-
N
1

pH

OO YR 0SSO N (U0 O WA 100N YO0 1

O=NWbHOON®

5 10 15 20 25 30 35 40 45 50
Vol of dil HCI/ cm3

(=]

@ The initial pH is not very high (7 < pH < 13) since a
weak base is used. (pOH may be calculated using
the formula [OH] = /K, C,).

@ Change in pH is fairly constant due to the formation
of an effective buffer when large amounts of weak
base and its salt are present.

POH at 7z Equiv (pt M) (where [B]=[BH*]) = pKs

® The region of rapid pH change is shorter and occurs
at lower pH range than that for a SA-SB titration.

At equivalence point E,

= NHsis exactly neutralised by HC/

= The resultant solution is NH4C/(aq).

= pH <7 as NHq¢* hydrolyses in water to give H*.

@ After E, the acid is in excess. The titration curve
flattens out at a low acidic pH value since the excess
acid present is a strong acid.

Calculation of pH at various parts of the titration curve:

(i) Initial pH = pH of weak base

Solution is an aqueous solution of weak base.

[OH] = /KoCo = V1.74 x 10 x 0.100
=1.319 x 1073 mol dm~3

pOH =-Ig[OH]=-Ig (1.319x 10%) = 2.88

pH=14-pOH=11.12

(iif) pH at half-equivalence point (point M)
Half-equivalence point is the point at which half the volume of
HCI(aq) needed for neutralisation is added.

At this point, NHs is half-neutralised. Ko N
n(NHz) = n(NH4") pH et hulh eqwa ruv)r =pha
Hence, [NHa] = [NHa]  ~ piH o helb gyt poidh = Ky of |

POH = pKo + Igb = iy + 1g (1) = pKb = 4.759
[NF]

pH=14 - pOH =9.24

e
(Hs.

(ii) pH of mixture when 14.00 cm3 of HCl(aq) is
added. (region @)

NHz + H* — NH4*

n(NH4+*) = n(H*) added = 0.014 x0.10 = 0.0014 mol
n(NH3) = n(NH3)initial —n(H*)

= (0.025)(0.10) — (0.014)(0.10) = 0.0011 mol

The resultant mixture is a buffer containing NHs and
NHa4*.
_ [NHT _ 0.0014/V
pOH = pKs + Ig—[NHd = pKp + lg(—_o_oouN)
=-1g (1.74 x107°) + Ig (1.272)
= 4.759 + 0.1047 = 4.864

pH =14 — pOH = 9.14

(iv) pH at equivalence point (point E)

At equivalence point, the mixture present is a solution of
NH4CL

NHas* + H2O = NH3 + H30*

n(NH4*) = 0.025 x 0.10 = 0.0025 mol
Volume of reaction mixture = 25.0 + 25.0 cm?3

=0.050 dm3
4+ _ 00025 _ 5
[NH4*] = o 0.050 mol dm
W _ [1o0x10™
[H]= ”—(—b— X C, = el 0.050

=5.361 x 10 moldm™3
pH = —Ig [H*] = 5.27

(v) pH of mixture when 35.00 cm? of HCI(aq) is added. (region ®)
n(H*) added = 0.035 x 0.10 = 0.00350 mol, n(NHs) present initially = 0.025 x 0.10 = 0.0025 mol
n(H*) in excess = 0.0035 - 0.0025 = 0.001 mol, [H*] =

pH = —Ig [H*] = 1.78

0.001

__ 0001  _ 4
0.025 + 0.035 0.01667 mol dm
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“4.5 Titration Curve of Weak Acid — Weak Base Reaction =~ =~ =

The graph below shows the change in pH of the reaction mixture when 0.100 mol dm-3 of NHs was
addedto 25.0 cm?® of 0.100 mol dm= CH;COOH:

pH

® Since the acid is weak, the starting pH is a
fairly high value.

@ There is no straight, vertical section on the
graph. This shows that the change in pH at the
equivalence point is not as sharp as any of the
previous titrations.

pH at E < 7, if Ka of WA > Kb of WB

pH at E > 7, if Ka of WA < Kb of WB

® Soon after the equivalence point E has been
passed, the titration curve flattens out at a
fairly low alkaline pH value since the excess
base present is a weak base.

Weak Acid — Weak Base Titration
14 - -
13 4
12 4
11 .
10
9 =
8 -
7 | ;
6 ]
5 - '
4] :
3 .
2 {® :
14 1
0 : . T i : ; : ; !
0 5 10 15 20 25 30 35 40 45 50 Note:
Volume of ag ammonia/ cm

3 There is no suitable indicator for a weak acid—
weak base titration as the region of rapid pH
change is absent.

Sodium carbonate is a diacidic base. .

-14.6 Titration curve of a carbonate-strong acid titration

1| COs*(aq)+ H0() = HCOs(aq) + OH(aq)

Ko+

2 | HCOs7(aq) + H0(l) = HCOs(aq) +'OH~(aq)

Kb2 °

The figure on the right shows how the pH changes
during the titration of 25.0 cm® of 0.10 mol dm=3
Na>COs(aq) with 0.10 mol dm=2 HC/(aq). There are
two equivalence points in the titration curve.

The reaction of Na,COs(aq) with HCI(aq) can be
represented in two stages:

pH

14

121 coz :
10
s (ke
8 A
6
4
2

o : b
0O 10 20 30 40 S0 60
Volume of 0.10 mol dm™ HCl(aq) added

Stage Reaction

indicator to indicate
completion of reaction

(a) Na;COs(aq) + HC/(aq) — NaHCOs(aq) + NaCl(aq)

(b) NaHCOs(aq) + HC/(aq) — NaCl(aq) + COx(g) + H.O(l)

thymolphthalein

methyl orange

Overall  NazCOs(aq) + 2HCI(aq) —> 2NaCl(aq) + COx(g) + H:O())

If thymolphthalein is used as the indicator, it changes colour from blue to colourless when
reaction (a) is completed, i.e. when Na,COjs is only half-neutralised to form NaHCO:s.

If methyl orange is used as the indicator, it changes colour from yellow to orange when reaction
(b) is completed, i.e. when Na,COsis completely neutralised to give CO; and H0.
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From the stoichiometry of the two reactions, it can be seen that

= if volume of HC!/ required for reaction (a) =x cm?,

= then volume of HCI required for reaction (b) = x cm?

and

= volume of HCI required when using thymolphthalein as indicator = x cm?
= volume of HCI required when using methyl orange as indicator = 2x cm?

The double indicator method makes use of this two-stage titration to estimate the Na,CO3 in
= a mixture of Na;CO; and NaOH or
= a mixture of Na,CO; and NaHCO3;

14.7 Titration curve of a polyprotic acid-strong base titration = ~ =

Phosphoric acid, H3POs, is a triprotic acid.

Dissociation Equilibrium in aqueous solution Ka/mol dm™ pKa
First HisPOs(aq) = H*(aq) + H.PO4s(aq) 75x1073 2.1
Second [ H;POs(aq) = H*(aq) + HPO4*(aq) 6.2x1078 7.2

Third HPOs%(aq) = H*(aq) + POs*(aq) 42x10™" 124

The following three equations represent the step-wise reactions of HsPO4 with NaOH.

HsPO4(aq) + OH(aq) —— H2PO4(aq) + H20()) : 1)
H2PO4 (aq) + OH7(aq) —— HPO4*(aq) + H>O(l) (2)

HPO.42(aq) + OH(aq) ——> PO(aq) + H20(l) (3)

When a solution of phosphoric acid is titrated against sodium hydroxide, the titration curve shows
three equivalence points corresponding to the completion of each of the above reactions:

pH
equivalence "
12 -~ point 3 10,
PKa3y ; ' :
10 equivalence HPOqL- E
9 point 2 1 1
8 : :
pKaZ i 1
7 1 '
6 :
5 cquivalence : '
41 point 4 ! .
>T 1P : i
pKar 2 {2t | ;
]
? !
10 40 50 60
volume of NaOH (cm?)
4 : .
A l\'),")ol §O un (L‘J‘l 7-1\4« '\1\)»\}3) , rH: rl(k, -
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S Summary

Arrhenius theory

Brensted-Lowry theory

Lewis theory

H3;0* hydronium ion
or hydroxonium ion

Note: For simplicity,

acid releases H*(aq) a proton donor an electron pair acceptor oxoni we write H*(aqz
base | releases OH(aq) a proton acceptor an electron pair donor Or oxonium ion instead of H;0*(aq).
Conjugate acid-base pairs pH =-Ig [H] NL Ry o = degree of ionisation
\ > = a .
— = ® 0 = d f d - -
A@q) + B(aq) = A-(aq) + HB*aq | POH=-g[oH] | 11 r a = degree of dissociation

acid 1 base 2 - base 1
—— =

A~ is the conjugate base of the acid HA.
HB"is the conjugate acid of the base B.

acid 2
i

For a conjugate acid-base pair,
Kax Ko =Ky =1.0x 10" mol2 dm™®
PKa + pKe = pKa = 14 (at 298 K)

neutral solution: [H*] = [OH"]
acidic solution: [H*] > [OH]
alkaline solution: [H*] < [OH"]

a

Ku: ionic product of water
H20() = H*(ag) + OH-(aq); AH>0

K = [H*] [OH"] = 1.0 x 10" mol? dm™
pK. = pH + pOH = 14 (at 298 K)

a

a can be expressed in fraction or percentage
— number of moles of molecules ionised at equilibrium

For a weak acid, HA(aq) = H*(aq) + A~(aq)

If o << 1 such that (1—0) = 0, K, = a2C,

fraction of molecules ionised at equilibrium

initial number of moles of molecules

[H*][AT] _ (aCo) (aCy) = @G
[HA] Co(1-a) (1- )

.

Strong acid
 complete dissociation in aqueous solution
« degree of dissociation, a = 1
* HX(aq) — H*(aq) + X~(aq)
« Note: for monobasic acid,
[H]1=[HX], and pH =-lg [H"]

Strong base

» complete ionisation in aqueous solution

* degree of ionisation, o = 1

* NaOH(aq) — Na*(aq) + OH~(aq)

= Note: for monoacidic base (e.g. NaOH),
[OH7] = [NaOH] and pOH = -Ig [OH]

pH Calculations

When solutions are mixed,
always consider whether a
reaction has taken place. Then
take note of what species are
present in the resultant solution

at equilibrium before calculating

Weak acid Weak base
« partial dissociation in aqueous solution e partial ionisation in aqueous solution
e O< <l e O<q <1
* HA(aq) = H(aq) + A<(aq) * B(aq) + H.0(l) = BH*(aq) + OH(aq)
H*][A~ BH*] [OH) . §
K, = Iy e “_]“5] ] units: mol dm = []B] units: mol dm

* K, is the acid dissociation constant of HA.

* The larger the K, of an acid, the greater is
the strength of the acid.

 The larger the K, of a base, the greater is
the strength of the base.

* Ky is the base dissociation constant of B.

the pH of the solution.

strong acid or strong base?
weak acid or weak base?
hydrolysis of salt?

acidic buffer?

alkaline buffer?

a mixture of strong acid and
weak acid (ignore weak acid)
e a mixture of strong base and
weak base (ignore weak base)

Calculating pH of a.weak acid:
HA(aq) = H*(aq) + A<(aq)

[H] = /K, [HA]

PH =-Ig [H']

Calculating pH of salt of weak acid:
A(aq) + H20(l) = HA(aq) + OH(aq)

Kw

Calculating pH of a weak base:
B(aq) + H20(l) = BH*(aq) + OH(aq)
[OH] ~ [/K,4[B]

pOH =-Ig [OH]

pH =14 - pOH

Calculating pH of salt of weak base:
BH"(aq) = H'(aq) + B(aq)

Kw

[OHT~ J— iz (A7 ] Ml |eors [BHY]
POH = ~Ig [OH"] pH = —-Ig [H']
pH =14 - pOH

Acid-base Titration Curves
1. strong acid — strong base titration

T3 X B 0B 8N %
Volume of MaOH(3q) addedicm®

2. strong acid — weak base titration

Buffer solution
o definition and composition
» actions of buffer upon adding H* / OH- ions

Salt hydrolysis

1. salt of a strong acid and a strong base
e.g. NaCl(aq) - neutral

Acidic buffer
* a mixture of weak acid and its salt
* E.g. mixture of CH;COOH and CH:COO'Na

[salt])

[acid]
¢ maximum buffer capacity when

pH = pK, + Ig (

[sal] _
[acid] -
and hence pH = pK,
» effective buffer range: pH = pK,+ 1

2. salt of a strong acid and a weak base
4 e.g. NH,Cl(aq) — acidic
NH4*(aq) + H,O(l) = NHa(aq) + H;0*(aq)

4. salt of a weak acid and a weak base

Alkaline buffer

¢ a mixture of weak base and its salt

¢ E.g. mixture of NH; and NH,C/
[salt]

POH = pK, + Ig (Ee—])

It
maximum buffer capacity when M =

[base]

and hence pOH = pK,
effective buffer range: pOH = pK; + 1

Note: lons that are conjugate acids of weak
bases or conjugate bases of weak acids will
under hydrolysis.

3. salt of a weak acid and a strong base Py u-vnmu-
€.g. CH3COO Na*(aq) — alkaline ' )
CH3COO(aq) + Hz0(l) = CHsCOOH(aq) + OH~(aq) ¢ i

€.g. CH;COO™NH.*(aq) — very weakly acidic ¢

L T
Volume of NHyiaq) addodicm®

3. weak acid - strong base titration

* SaiST e onx somtans
2

PY s X 2% ¥ % o® € R
Volume of NaCH(ay) addecdicar®

4. weak acid — weak base titration

Acid-base indicator

the titration curve).

Note: A suitable indicator is one where its pH s
range coincides with the region of rapid pH :
change in the titration curve (i.e. the pH range of |
the indicator must fall on the vertical portion of L

ERE I
Vo of Niaq) acdegiene
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mppendix

(1) Calculation of pH after a small amount of H'/ OH"™ to an acidic/ alkaline buffer

(i) Consider an acidic buffer initially containing NHA® Mol of HA and na-° mol of A~.
0

A(aq) + H*(aq) — HA(aq)

(A is used up while HA is formed)
NA- = NA-° — NH+

NHA = NHA® + NH+

na-/v. -

pH = pKa + Ig [HA] =pKatlg—— =
—NH+
=prat Ig nHA°+ Ny

Since nua® and na-° are large, pH of buffer is similar
to its initial pH if nu+is small.

. _ [A 1 a-°/v
Initial pH = pKa + | [HA] =pKa + —-—o/v = pKa + Ig
(a) After adding a small amount of H*, nu+ mol (b) After adding of a small amt of OH-, nox- mol

HA(aq) + OH (aq) » A(aq) + H20(l)
(A" is formed while HA is used up)
NA- = NA-° + NoH-

NHA = NHA® — NOH-

pH = pKa ]g pKa g M
ngaw
ng- +nOH_
= pKa + |g “A=TT0H-
P gnHAo_nOH—

Since nua® and na-° are large, pH of buffer is similar
to its initial pH if non-is small.

(if)

Initial pOH = pKb + Ig =pKo ¥ 1g

ngl/v

Consider an alkaline buffer initially containing ns® mol of B and nsx+° mol of BH*.
npy+ °/V _

(a) After adding a small amount of H*, nu+ mol
B (aq) + H* (aq) — BH* (aq)

(B is used up while BH* is formed)

NBH+ = NBH+® + NH+

N = Ng° — NH+

pOH = pKb + lg ] =pKp + Ig —— CEREIY
ng/y
= pKp + | npp+’ + Nyy
= pre = Ig T

Since ng® and ngn+° are large, pOH and hence pH
of buffer is similar to its initial pH if nH+is small.

(b) After adding of a small amt of OH", nox- mol
BH* (aq) + OH™ (aq) —» B (aq) + H20 (/)

(B is formed while BH* is used up)

NeH+ = NBH+® — NOH-

N = Ng° + NoH-

pOH = pKo + Ig ‘B[:]’—pK +1g f;”*"’
B/V

_ npy+°—Non-

- pr * Ig nB" +noy-

Since ng® and nex+° are large, pOH and hence pH
of buffer is similar to its initial pH if non-is small.

(2) Buffer solution made of a salt of weak acid and base

A buffer solution is able to resist changes in pH when a small amount of H* or OH" is added to it.
Hence it must contain species that are able to react with both H* and OH-. Besides the common
acidic buffer (made of weak acid and its salt) and alkaline buffer (made of weak base and its salt), a
solution containing salt of a weak acid and weak base can also function as a buffer as it contains
species which react with both H* and OH".

Consider a solution of ammonium ethanoate, CH;COO~NH,*:

When a small amount of H* is added, CH3COO~(aq) + H*(aq) -» CH3COOH(aq)
H* added is removed by CH3;COO~. Hence pH is maintained.

When a small amount of OH™ is added, NHs*(aq) + OH™(aq) - NHai(aq) + H.O(l)
OH™ added is removed by NH4*. Hence pH is maintained.
Large reservoir of CH:COO™ and NH4* helps the buffer cope with small amount of H* and OH~ added.

An aqueous solution of amino acid such as H,NCH,COOH is also able to act as a buffer as it is able
to react with both H* and OH™ as shown by the following equations:

H,NCH.COOH(aq) + H*(aq) - *"HsNCH>COOH(aq)

H.NCH>COOH(aq) + OH (aq) — H.NCH>COO(aq) + H20(l)
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