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-  J St ent Eearning OBtam:

» Explain common ion effects giving suitable examples.

«Use the extent of jonization and the acid dissociation constant, K,, to distinguish
between strong and weak acids.

«Use the extent of ionization and the base dissociation constant, K,, to distinguish
between strong and weak bases.

= Explain what is meant by a chemical.buffer and how a buffer system works. (For
context this should include: a. defining what is a buffer solution. b. Explain how a
buffer solution can be made: c. explaining how buffer solutions control pH: use
chemical equations in these explanations. d. Describe and explain the uses of buffer
solutions, including the role of HCO, in controlling pH in blood.

= Calculate concentration of slightly soluble salts.

- State what is meant by the term partition coefficient, K,.. =0\

«Calculate a partition coefficient for a systern in whic:h the sotune is in the’ same physical
state in the two solvents.

«Explain the factors affecting the value of a partltion coefﬁcient in terms of the
polarities of the solute and the solvent used.

\

NI 1|..--.- T
.'_._J|.1|'_'_" -



How do substances behave in various epvironments? This requwes an understandlng of
chemical reactions and equilibrium. When- aﬁ aqtditional ion is added, the common ion effect
predicts solution reactions.| The st.rength of \acids’' and bases can be estimated from their
dissociation constants, which d‘rﬂerentiate strong acids from weak ones. Buffer solutions
maintain pH equili Wy and regulate blood pH. This you will understand in this chapter. The
distribution/ of 'sul'utes among solvents is predicted by the partition coefficient, which is useful
in estimating the distribution of drugs within the body. So it is very important for drug design.
These concepts play a key role in industrial and environmental science '

3.1 Strength of Acids and Bases

The degree to which different Bronsted acids give off protons is called “acid strength”. A
relatively strong acid is an acid that can give off more protons than another acid, Hydrochloric
acid, for example, is relatively strong compared to acetic acid, which is relatively strong
relative to water. Bases differ in the degree to which they accept protons as well. A strong base
can accept protons to a greater extent than another base, so ammonia is relatively stronger
relative to water because it can accept protons to a higher degree than water.

3.1.1 Strong and Weak Acids

The extent of fonization and the acid dissociation cnnstant K.H;qn be uﬁed fn dlstinguish
between strong and weak acids. ACANY /(@ VoS

The strength-of an acid is generally expressed in te(ms of the qmdxianizaticm constant, K, of
the acid. Consider the a.ish \of«tonizatlon\of a,general acid HX in water. In this aqueous
solution, the establlshed equllfhril.u‘n may be represented as follows:

Hx\]* H bm ==2H,004+ Xoy
The equilihrium constant K for this ionization process may be written as follows

k.= HO'1X]
X H,0]
- HO'IX]
KMHQ] = *—=——=2=
or KO ==

Since water is a solvent, it is present in excess and therefore its concentration may be
regarded as constant. Thus, K [H:0] is another constant and is designated as Ka.

-k = HOXT]
K [H,0] = K, T

K. is termed as the acid dissociation constant. It is a measure of the extent to which an acid is
ionized or dissociated at the equilibrium state. It must be kept-in mind . that \the acid
dissociation constant, K, is dependent on temperature, merefore, the value of K should be
mentioned along with the temperature @t which Ka \was\ determined The dissociation
constant, K., of acetic acid-in water BL 25 C is. I B %103, The’ comparison of K. Values of

different acids provides a rnethnd to comparre their strengths.
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“The greater the vafua of I(. tha stronger the acld"
The values of K, are usually hcanvenient m—.rmhers, therefore, for convenience, these values
are converted to pl(. \ﬁlues. The relationship between Ka and pK, is as follows:
Jl NI ™ pK,= - log K,

Since pK. refers to the negative logarithm of K., the lower the pK. value, the stronger the
acid, since a lower pK. value corresponds to a higher K, value. Table 3.1 lists the ionization
constants and pK, values of some common acids in water at 25° C. Which acid is the strongest?
Which acid is the weakest? :

Table 3.1: lonisation constants and pK, of Acids

At L

AThe of ATI0 = RBTMULS e e '
Perchloric acid HCLO4 1 0 x 10"’ -10.0
Hydrolodic acid Hl 1.0 = 10" -10.0
Hydrobromic acid h HBr 1.0 = 10° 9.0
Hydrochloric acid HCl 1.0 = 10° -6.0
Sulphuric acid H.504 1.0 > 10* ~3.0/ \
Hydrofluoric acid HE O\ (72 mﬁ‘/u : '+3.
Formic acid .\ \frcoon \\ ] 1.8/ 10* +3.75
Benzoic acid A0\ Pekcoon 6.3 10° +4.2
Acetic acid N AN UV T erycooH 1.8= 10° +4.7
Phenol "/ '/ T CeHsOH 1.3x 10 +8.9
Water H.0 1.8 10 +15.7

Which acid is stronger HCL or HF?
(Example 3.1

Calculate the concentration of H* fons of a solution that contains
1.0M HF (Ko = 7.2 x 10

Solution;
HF (o) — He + Fia
Initial conc. 1.0M 0 0
Eq. conc. 1.0-x X X ~ ~E0
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Since x is very small as cumpared to 1 n the term in the denominator can be approximated
as follows: . r -Ji

l| "l

110-x = 1.0
7.2x10* = "T
X = 0.268M
[H'] = 0.268M
o : )

3.1.2 Strong and Weak Bases

The strength of a base is the ability to accept a proton from a solvent. Hydroxides of alkali
metals such as sodium hydroxide and potassium hydroxide are strong bases and ionize
completely in aqueous solution.

NaOH ;) — Na'y, + 0“ (o) ANG SN

O\
The OH ion thus formed lﬁ‘ Erer;s“ted base‘t{bcs‘mse it can accept proton H.
OH" + H\J H!G\ L \

\ [T\ \ %\ '3_."
The ability qﬁ a] bage to accepl; a proton from an acid, usually water, is termed as the strength
of the base. For a base B, an equilibrium reaction with water can be represented by the
following equation:

B + H,0p e BH' ) *+ OH

(aq)
The equilibrium constant Ks is called the base ionization constant and can be derived. As;
[BH'] [OH]

[e]

Ko value will be large if the degree of ionization of the base B is high i.e. if the base B is
strong. The Value of K, will be small for a weak base B. Again, for convenience, a parameter
pKs has been devised to express the Ky, value in convenient numbers. Thus, pKs is defined as
the negative logarithm of K.

pK, = -logK,

Ky =




Diﬂhlyam!qg..___ |--I\__:\]'.‘;;Ji (cszhNH 9.6 = 10" [ 3.02
Ethylamine -~ C,HNH, 5.6 x 104 | 3.25
Methylamine CH, NH, 4.5 = 10 [3.34
Ammonia NH, 1.7 > 103 4.76
Pyridine CHN 5.6 = 107 |8.25
Aniline C,Hg NH, 4.3 = 10" [9,37

According to these values, ammonia is a stronger base than pyridine and aniline but weaker
than methylamine and ethylamine. Also, diethyl amine is the strongest base among all those
listed in Table 3.2.

3.2 Buffer Solutions and their Applications

A buffer solution is a solution, the pH of which does not change significantly when a small
amount of acid or base is added to it. Such a solution has a consta%pﬂ Vhﬁ:h does not
change keeping it constant for a long time. R S \/ 7o \ AN
( _. I'll ___III e \ \ '\I \‘ || '.\ :_/\_'l._

Types of buffer solutions 0\ "Jl "“ "'&'\ U\ \-—-3 L

A buffer solutionhéln be made mn{o ways:

\\
(1] By mixi a\ weak acid and a salt of it with a strong base. Such solutions give

quplc Buffers with pH less than 7. e.g. CH,COOH + CH,COONa.

(2) "By mixing a weak base and a salt of it with a strong acid. Such solutions will give
basic buffers with a pH of more than 7. e.g. NH,OH + NH,CL.
Buffer Action:
Consider a buffer solution of CH,COOH and CH,COONa. The common ion effect
helps us to understand how the buffer will work. CH;COOH being a weak
electrolyte undergoes very little dissociation. When CH,COONa, a strong
electrolyte is added to the CH,COOH solution, the dissociation of CH,COOH fis

suppressed due to the common ion effect of CH,COO'.
CH,COOH,, + H,0, s==2CH,C00_ + H,0,

CH,COONa,, 7= CH,CO0,, + Na;_

(aa)

() Suppose we add a few drops of HCI to it. Its H' ions areusedﬁp{:yCHacOO“
i'ons. o ™\ - O - ".‘I | / '-I__-."-:;'_;-" g




Thus the addition of HCL will not change the pH of the buffdr sotutlan—
CH,COOH_ —r"—-cH,coo-' /|4 H‘ - U

cp,qao e g CHacoouw

(if) \rn the same buffer solution, if a strong base is added, it is neutralised by the
acid.

. CH,COOH =22=CH,C00"_ + H'

NaOH ,, —Na’, + OH

(eg) (oq)

He,, + OHL,, == H,0,, _
Thus the addition of NaOH will not change the value of pH.

3.2.1 Calculation of pH of Buffer Solution

The concentration of conjugate base in the reaction mixture is predominately supplied by the
salt which is a strong electrolyte, Therefore, assuming the concentration of conjugatf.- base is
equal to that of salt and the original concentration of acid as ethjmum cuﬁn@h"aﬂqhs, the
pH of a buffer can be calculated. oo\ \J | CAL

| |

The following example explains the calcuTat,lom assoqiatesd M!:h bufféi' solutlons
( _)\ \ \\. l"\ \ \N_A~

=

.'-\ )

'(Example 3.2

(a) quhlahhj h:he pH of an acetic acid-sodium acetate buffer solution containing 1.0
moles of each component.

(b) What will be the pH of this solution after the addition of 0.01 mole of hydrochloric
acid to 1dm® of the solution? Assume that the volume of the solution remains
unchanged with the addition of hydrochloric acid. (K, for acetic acid is 1.8 x 10/,

Solution

(a) The pH of the buffer solutions can be calculated by assuming the equilibrium
concentration of both the acid and its conjugate base as the starting
concentration.

Thus [CH,CO,H] = 1.0M [CH,CO00] = 1.0M
For acetic acid dissociation;

= [CHCOOTTH] _ 4 g 1ge
' ToAco
1.8x10 [ -2 Y

Thus, the pH of the buffer solutfon is 4 745.

. J
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()

(" (b) After HCL addition: (| WA N
R }-\CI loql ““"‘" Hm) * G'_' (sa)
; |' N 001mole 0.01 mole 0.01 mole
Initially, there were 1.0 mole of CH,COOH and 1.0 mole of CH,COO" present per dm?® of the

solution. After the addition of hydrochloric acid 0.01 mole of cH,COO" ions is combined with

the H' fons formed from the dissociation of 0.01 mole of added hydrochloric acid. This can be
written as:

(aq)
0.01 mole 0.01 mole 0.01 mole

Thus, the numbers of moles of acetic acid and acetate ions, after the addition of hydrochloric
acid are:

CH,CO,H = (1.0+0.01) mole = 1.01mole
CH,COO" =(1.0-0.01) mole = 0.89mole
The equilibrium equation for this new situation can be written asf.

K, = [CHCOOIH] Q A\ [ S
or [H”.r—.--
NINNAS .
Yy = 18210%¢ 01)

0.99

PH =-log (1.83x107%)
= 4,736

Notice there is a slight change in pH from 4.745 to 4.736 which is only a difference of 0.009.
Thus, a buffer does a very good job in limiting the change in pH to a very small amount. )

.

3.2.2 Applications of Buffer Solutions

Buffers play a crucial role in various everyday applications, helping to maintain stability a;nd
prevent abrupt changes in different systems. Here are some important applications of buffers
in everyday life.

1. The buffer system in blood plasma JAARSE
The bicarbonate fon (HCO,) plays a crucial | role in maintathmg blood pH through the
bicarbonate buffer system. Blood pH is a measuri: of its atidity or alkalinity, and it must be
tightly regulated for vatious physiologicat \processes to function properly. The normal pH




range of blood is approximately 7.35 -7 45 a vaiue higher thah '(8 GI' !ower than 6.8 can
lead to death. (

In the bicarbonate buffersystem there is a reversible exchange of carbon dioxide (C0O;) and
bicarbonate ions in the luod The reaction can be summarized as follows:
(a) FormatiorT of c&rbu ic-acid (H,C0,):
COz) + H200 = H2COsaq)
(b) Decomposition of carbonic acid into bicarbonate (HCOy') and hydrogen ion (H"):

H,COupy  HCOjq * Hi

(aq)
This system is catalyzed by an enzyme found in red blood cells called carbonic anhydrase.
€0,, H,C0,, HCO, and H' levels are related, and any imbalance can affect the pH of the

blood. Thus HCO, helps regulate blood pH:

Neutralization of acids:
When there are many acids (H' ions) in the blood, bicarbonate acts as a base, binding to these
hydrogen ions and forming carbonic acid. This reaction helps to neutralize and eliminate
excess acidity:_

o = \\\\
\

- d _— S "'4(_’;-\;‘ \‘ (\ '¥ “\
HCOq + Ht«u = Hz?%i\_\f [75 \ oo

Neutrahzation of bases: ‘?. .\ o AN

Conversely, if there are %hny l;qses in }he bl’ood such as hydroxlde ions (OH'), the
carbonic acid dassoqatqs relbasmg hydrogen ions that can combine with excess bases:

\J ll \J\ - =

{2q)

Particnpatlng in these reversible reactions, bicarbonate ions help maintain the acid-base
balance in the blood. This buffer system is crucial in preventing rapid changes in blood pH and
provides a stable environment for enzymes and other biochemical processes to function
optimally. The respiratory and renal systems also play an important role in regulating CO, and

bicarbonate levels to maintain blood pH in a normal range.

2. Household Cleaning Products:

Detergents: Many cleaning agents and detergents contain buffers to maintain a stable pH,
ensuring effective cleaning without causing harm to the surface or skin.

3. Personal Care Products:
Shampoos and Soaps: Buffers are often used to maintain the pH of shampoos and soaps,

preventing skin irritation and ensuring the products are gentle.
4, Swimming Pools: = .

Water Treatment: Buffers are employed in swimming pools:to hélia maintam a stable pH
level, preventing corrosion nf pool equipmeht and ensuﬁng a tomfortable environment for

swnmmers
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5. Food and Beverage Industry: "'-;, () A\ D
Food Preservation: Buffers are used |n foo&bmtessing to control acidity, preserve flavours,
and maintain the stability oﬁ tertam food products.

e Produc tion: Buffers help control the pH in beverages, ensuring consistency in taste
and preventing spoilage.
6. Photography: '
Developer Solutions: Buffers are used in photographic developer solutions to maintain a
stable-pH, allowing for controlled and consistent film or print development.

3.3 Solubility Product and Precipitation Reactions
Now we will discuss some of the important equilibria which have some analytical importance.
3.3.1 Solubility Product

When an excess of slightly soluble ionic compound is mixed with water. Some of it dissolves
and the remaining compound settles at the bottom. Dynamic equilibrium is established
between an undissolved solid compound and its ions in the saturated solution. For example.
when CaF, is mixed with water. The following equilibrium is establi,shed (

rl\ \‘\

= § ) VU
TN \ L \ ¥ J o

. I\ W\ C ’r \I;? YOU KNOW
\ ] Kep ¥ used for solutes which are only slightly
K, for this ethbnymcmbgw{nt‘{en@% ‘“saluble and do not completely dissolve in
WAL ) L AL S\S solution. The higher the K, value of a
R compound, the more it is soluble in water.

CaF,,, ==Ca{,, + 2, 1 O

\‘J .\\ “.\\_‘. o .
Since CaF, is a slightly soluble salt its concentration almost remains constant.
Therefore,

Ke[CaF,] = [Ca®] [FT

= [ca*] [F]’
Where K, is a constant known as the solubility product constant. It is defined as the

product of the molar concentrations of ions, each raised to a power which is equal to the
coefficient of the ion in the balanced chemical equation.

In general, K expression of any slightly soluble ionic compound, A B, can be written as
AmBn(sJ ,._.mA*"(,q) + nB—ml-q)

Koo = [AT] [T o TSN c ©

This means that the solubility product const@nt is equal tq Ule product of the equilibrium

concentration of ions each raised to a\ nower equal to the'number of such ions in the formula
unit of the compound. A AL
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7 concm ASSESSMENT EJ(ERC ISE 3.1
Write the dissociauor ch;tibn \and the solubility product constant expression for each of the
following solidsil VA
1. PbSO,
2. Al(OH),

3. BasSo,

3.3.2 Calculating Concentrations of ions

Given the K, for AgBr (Ky = 1.60x10"°), we can use the K;, expression to calculate the
concentrations of each ion in the solution.

If we represent the x moles of AgBr dissolved in one dm’ of water
AgBrgy = Agug' + Brpa

X X ® ' T o WY [ )

= O A\ RS R R N A e
Ko = [Ags](Br-] 0O A2 VBB
1.60x10" = xx O\ \c 2\ c\N

X = 161070 1 |
X3 |\1u\i& x 'io“M
So, [Ag'] = [Br] = 1.26x 10°M

Slightly soluble salts dissociate only to a small extent in water, leading to low ion
concentrations. To calculate the concentration of these salts in solution, we use their
solubility product constant (Ks,).

The K, expression relates the concentrations of the ions in equilibrium with the undissolved
salt. '

Steps to calculate the concentration:
1. Write the dissociation equation for the salt.

2. Set up the K, expression. A

3. Solve for fon concentrations based on stoichiometry,— N\ : ’ ke




( Example 3.3 S O AN\~ A

Calculate the concentration of S‘IMI' ch(oride (MCI) ln lts aqueous solution.

Kp = [Ag*][CU]
For AgCl, Ksp= 1.8x107"° at 25°C.
3. Concentration Calculation:
Since each mole of AgCl gives one mole of Ag* and Cl ions, let the solubility of AgCl
be x mol/dm’. Then,
Ksp = [X][x]
1.8x107° = 2
= 1.8x10™
x =1,34x10" mol/dm’
Thus, the solubility-(or concentration of Ag* and C1™) in water is approximately
. 1.34x107° mol/dm’

/_’ Ty O o

CONCEPT ASSESSMENT EXERCISE3:2 | | (=
1. Ko for PbF, s 4x10°. Calculateithe énhcenmt@ Rb* and F ¥ors I solution.
- O\ e\ I\ ins T2 510 mol dm?, 4.3 x10°* mol dm*
2. Ks for Basq is 1XTO “’ ‘WHte the equation and the equilibrium expression for the

dissotﬂngrdf banUm sulphate Also calculate the concentration of each ion.
Ans: 1x10® mol dm each.

3.4 Common lon Effect

An interesting situation arises when a weak electrolyte and a salt containing a common ion
are present simultaneously in an aqueous solution. For example, in a solution of weak acid,
hydrofluoric acid K, = 7.2 x 10, its salt sodium fluoride produces the common ion.

HF,

H(-q) (8q) .
{l) —2, Na(u!"'ﬁ_n}

Since HF is a weak electrolyte, it slightly dissociates. NaF being a strong electrolyte breaks up
completely into its ions. The common ion F~ produced by NaF will upset its equllibrium. This
will increase the concentration of F ions. According, to. Le Ch;telier sprinclple, the

equilibrium will shift to the left to use some’of tha F' lom Thjs W'Il[ decrease the dissociation
of HF. Thus dissociation of HF will, ded'ease !n the presence of dissolved NaF. This means as a
result of the equilibrium ﬂ'lifh the tonoentration ‘of HF will increase.

QAR J|

(eq)
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A

Similarly, when a highly soluble salt 15 \L{ 3 “ b0 "mu KNOW

added to the saturated sﬁihtiuﬁ of @ [555 e separation and identification of cations fnto

soluble salt containing:a\ t:omm0n ion. analytical groups is based on solubility product

The degree- q,( ,mmuahon of the less | Principle and common ion effect. In general, any

soixibis & aﬁ |decreases. Therefore, it prgcgdure that involves precipitation follows these
principles.

causes a decrease in its solubility.

The term common ion effect is used to describe the behaviour of a solution in which the same
ion is produced by two different compounds. “The phenomenon in which the degree of
ionization or solubility of an electrolyte is suppressed by the addition of highly soluble
electrolyte containing a common ion is called common ion effect”.

Examples

i. Potassium per chlorate KCIO, is moderately soluble in water. When highly soluble KCI
is added to the saturated solution of KCIO,. It causes an increase in the

concentration of K" ion.
KCIO,, == K;

{2q)

+ ClOy.q - I(m‘\
o —\ r——-l.“(_ :’\‘ \I :/::__.:-.\..\_,‘ ,\
C' _ \."_"\I . N \\I f o .'_“_‘_.\ S\

a 2 v A\ \\ \ o~
tq} {Q) (_) .\-“‘. \".-I\II Fa

According to Le Chateller 's pnnmple K*\@pris whll ne@ct}mth CIG ions to form KCIO,, This

KGl, — K

will suppress, the mmzatmn qf\ KGIQ & -T htrs it w1ll precipitate out.

ii. When I-lngs is\bassed thmugh the saturated solution of NaCl (Brine), it increases the
concentration of Cl ion.

Nac’f!} ‘—'NalnuJ Cltarﬂ

HCl. . —H. .+ CI

(aq) {aq) {aq)

According to Le Chatelier's principle CI” ions will combine with Na' ions to form
precipitate of a pure NaCl.

Self Check Exercise 3.3
i. Ammonium Chloride, NH,Cl is a water-soluble salt. What will happen if this salt is

added to a solution containing ammonium hydroxide?

NH,OH,,,, &==NH,,,, + OH,, AN

ii. Carbonic acid is a weak acid. It ionjzes in water as follows Q

H,COy ) ,__2Hm+ Coﬂm LA

What will happen ﬁf a s]:rong elentrﬁlyte such as Na,CO, is added to a solution contanmng
NN

carbonic acid?" J ]
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3 5 The Partltmn Coefﬁaent

If you put two lmmISClblE liquids llke ether and water in a separatury funnel and shake. On
standing, you can Jseg !iwo layers. Ether is less dense, so it forms the upper layer. Assume that
solute X dﬁsiut\ies in both liquids. If you prepare a solution of known concentration of X in
water and mix it with ether in a separatory funnel and shake well. On standing, the two
layers separate again. Now determine the concentration of the water layer. You will notice a
decrease in concentration. Why? Where did the solute go? Analysis of the ether layer shows
that there is also a solute in the ether layer. This means that the solute is distributed
between the two solvents. A dynamic equilibrium is created between these two solutions. At
equilibrium, the concentration of X becomes constant in both layers.

X(in water) — X(in ether)
- Ix in alher|
"¢ [X in water]
This equilibrium constant is called the partition coefficient and is represented by the symbol
Kyc. It has a constant value at a constant temperature.

The distribution law, or Nernst distribution law, gives a generalization that-governs the
distribution of a solute between two immiscible solvents. This law was ff(SfQI%ﬂ by Nernst,
who studied the partitioning of several solqtjes bt*tween \vario%.ls iu“itabie pairs of solvents.

The partition coefficient (K,‘) is deftne\d a8\ t\'le ram\o’the concentrations of a solute in two
different immiscible sdbfents in | “cqntac\t\\mth “each other when equilibrium has been
established at a pay ci.nlar ‘tqmpérhture The partition coefficient is a ratio of two
concentratio?s, ;Sd ﬂt;*l‘:I& ‘Mo units.

3.5:1 Calculation of Partition Coefficient
The partition coefficient (K.) for a system in which the solute is in the same physical state in
the two solvents can be calculated using the equilibrium expression. '

ACTIVITY 3.1: Calculating the partition coefficient

Procedure

e Measure 100 cm® of a 0.150M solution of aqueous methylamine and add it into a
separatory funnel.

e Add 75 cm’® of an organic solvent in the separatory funnel.

* Shake the separatory funnel gently but thoroughly to allow the solute to distribute
between the two solvents. Allow the system to reach equilibrium (about 5 lﬁmfnutes).

» Let the layers settle and separate the two satvents into different beakers

s Measure the concentratlon of the SD\ute 1n Each solyeﬂt




Calcoiations 5 A\ ACR | (OGN

When100 cm’ of a 0.150 mol.dm solution of aqueous methyiamine (CH3NHy) is shaken with
75.0 cm’ of an organic sol\renl 1n t.he separaﬁng funnel to allowed to come to equilibrium.
Only 25 cm’ ?f thgl aqdeous layer is run off and titrated against 0.225MHCl 7.05 cm? of HCl

was used.
Data for calculations
Volume of aqueous methylamine solution: 100 cm?
Initial concentration of methylamine: 0.150 mol dm™
Volume of organic solvent: 75.0 cm?
Volume of aqueous layer titrated: 25.0 cm?
Volume of HCI used for titration: 7.05cm’
6. Concentration of HCI: 0.225 mol dm™
Calculate the partition coefficient of methylamine in the organic solvent and water.

oA w N

Solution S G

. Step 1: Write down the equilibrium equatim- 5 WY/ (8o
Siktcu N # Q";N(l"é(‘”%amclsolvenﬂ

Step 2: Write down the ru e*PI'ESEiﬂh

N RN o+ k. =[C

H,NH, (organic ayer)]

[CHANH,, ]
Step 3: Determine the total moles of methylamine in the original solution.
Determine the total moles of CH3NH; in the original solution.

0.100 x 150
1000

= 0.015 mol
These moles were distributed between the two layers.

Total moles CH,NH, =

Step 4: Determine the no. of moles methylamine in the aqueous layer.
' CH,NH,(aq) + HClisq) — CH,NHClisg
25 cm’ of aqueous layer reacted with 7.05 cm? of 0.225 MHCL
1 molofCHNH is: 1, mulofHCl
| n»ﬂt dem’ U\




moles of CH,NH, reacted with HG[ solutmn mnlés of tlt:l solution

NN Q X 1 m

RARR SO 2 0.001586 mol
NN M

As 25cm-" ‘of the aqﬁeous layer was titrated, the 0.001586 mol of methylamme was present in
25cm? of the aqueous layer.

:)\ —

0.001586 x 100

So, the moles of methylamine present in 100 cm’® of aqueous layer ____H_x
_ = 0.00634 mol

Step 5: Détermine the number of moles of CH3NH; present in the organic layer.

Mol CH;yNH; (organic layer) = mol CH;NH; (total) - mol CH;NH;(aqueous layer)

= 0.015 - 0.00634

= 0.00867 mol
Step 6: Change the number of moles into concentrations:
Concentration (CH3NH; in aqueous layer) = 0. 0063 X 10%: \ , \. S Bt
\7 == 0 0&3 mol gm*’
[ 1000
Concentration ((JZI-{:.N rn‘ori]ank lazyer} 0.0866 X5
J NN
J' N = 0.116 mol dm™?
Step 7: Substitute the values into the K, expression:
0.116
Kee = 00364
Koc = 1.83

Since the value of Ky is larger than 1, methylamine is more soluble in the organic solvent
than in water.

CONCEPT ASSESSMENT EXERCISE 3.3

When 2 grams of a solute is shaken with a mixture of 150 cm® of water and 20 cm? of
chloroform. After shaking, 1.5 grams of the solute is found in the chloroform layer. Calculate
the partition coefficient. -
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~ 3.5.2 Factors Affecting the Numerical value of Partitton coefﬂcient

The partition coefficient IK,;) ind!cates how a solute distributes itself between two
immiscible phases, u ltjrla non- pa!ar solvent and a polar solvent.

Factors that. afféct the numerical value of the partition coefficient are:

1. The Polarity of the solute:

A polar solute has a greater affinity for a polar phase (eg. water). This is because polar
solutes interact with polar solvents through dipole-dipale or hydrogen bonding interactions.
For example;

A polar solute like ethanol (a polar molecule because of the hydroxyl group) between octanol
and water. Ethanol is more soluble in water than octanol, resulting in a higher partition
coefficient in favour of the polar phase.

2. The Solvent Polarity:

The nature of the solvents used in the partition plays a decisive role. Non-polar solvents
promote the partitioning of non-polar solutes, while polar solvents promnte the partitioning
of polar solutes. For example; 7 \\)
When a non-polar solute such as benzene is added, its partit ¢oefﬁc1ent ﬁhlgher in
octanol than in water, because benzene ﬁs nun-bolar a,nd interacts niore wrth non-polar
octanol. ; _ \\ \\

3. Temperature: < Jl

Temperature Fah alﬂ" A\ the p;rtinon coefficient by affecting the solubility and kinetic energy
of the solute”in both solvents. In general, an increase in temperature can increase the
solubility of solutes in polar solvents. For instant;

The partitioning of a polar solute such as aspirin between octanol and water can show
different values at different temperatures. At higher temperatures, aspirin is more soluble in
water than in octanol.

4, Molecular structure and size

Large solute molecules can interact with solvents differently than smaller molecules.
Molecular structure, including functional groups, can also affect the distribution coefficient.

Consider the partitioning of octanol and water between two molecules of similar structure
but different sizes, such as ethyl acetate and butyl acetate. A larger butyl acetate molecule
may have a lower partition coefficient in favour of the non-polar phase due to increased
steric hindrance. -
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The degree to which dlffens'nt ans“tei:l acids ghre off protons is called “acid strength”
The greater the value of Ka, the stronger the acid”.

The strength of a base is the ability to accept a proton from a solvent

A r'solution is a solution, the pH of which does not change significantly when a
small amount of acid or base is added to it.

The bicarbonate ion (HCO,") plays a crucial role in maintaining blood pH through the
bicarbonate buffer system. ’

The normal pH range of blood is approximately 7.35 —7.45.

The solubility product is defined as the product of the equilibrium concentrations of
jons, each raised to a power which is the coefficient of the ion in the balance
chemical equation.

The phenomenon in which the degree of ionization or solubility of an electrolyte is
suppressed by the addition of a highly soluble electrolyte containing a common ion is
called the common ion effect.

The partition coefficient (Kpc) is defined as the ratio of the concentrations of a
solute in two different immiscible solvents in contact with each other when
equilibrium has been established at a particular temperature.

Nernst's law states that a solute is distributed between two layers of immiscible
solvents so that the ratio of its concentration in each snt ent s, Ef,lqﬁl.\ to its
solubility. A R \/ [ 7o\ ,.Tf SN

3\ EXERCISE O\

)\\

1. Multiple Choice quesﬁonsm s)

ii.

jii.

phbnbmenon describes a shift in equilibrium due to the addition of an
loh étready involved in the equilibrium?

a) Le Chatelier’s Principle b) Common lon Effect

c) Nernst's Law d) Avogadro's Principle

What property is used to distinguish between strong and weak acids?

a) Molar mass b) Extent of ionization

c) Density d) Melting point

Which factor is considered when distinguishing between strong and weak bases?
a) Colour b) Odor

c) Extent of ionization d) Solubility

. What defines a buffer solution?

a) High concentration of ions ~2)\
b) Presence of a weak acid and its conjugate base A\ \ C\O

(or a weak base and its conj ugate acid) RNV A
c) Low pH ~ \\LC




How can a buffer solution be made‘-' 0% 4 ':'E \

a) Mixing strong acid&énd bases koA
b) Mixing a w?ak aqd and Its conj ugatc base (or a weak base and its conjugate acid)
c) Difunﬁg iStrong acid d) Adding water to a strong base

. What role does HCO, "~ play in controlling pH in blood?

a) Neutralization of acids b) Buffering against changes in pH
c) Catalysing reactions d) Enhancing oxygen transport

vii.How is the concentration of a slightly soluble salt calculated?

a) Using the solubility product constant (Ks;)
b) Titration with a strong base

€) Measuring density

d) Conductivity measurement

viii. Which term is used to describe the strength of an acid in terms of its

ix.

ionization in water?

o f\\\\

a) Acid Concentration _ b} Acid Dlssociation (;onstant ?ﬂ(a)
c) Acid Molarity 0\ - _J Aficg Equihbn"h#n Constant
Which type of solveﬁt wbqlﬂfa'&our\thé partltlomng of a polar solute?
a) Non-polar sol\\.rer]t \ \\ A\ \ By b) Hydrophobic solvent

c) Polqr s}qm)eéllt VA hde d) Aprotic solvent

. What is the partition coefficient defined as?

a) Ratio of solute concentration in one solvent to the other
b) Ratio of solute concentration in a single solvent

c) Ratio of solute mass in one solvent to the other

d) Ratio of solute mass in a single solvent

Short Answer Questions

i.  Explain the common fon effect with a suitable example.
ii. Differentiate between strong and weak acids using the extent of ionization and K..

iii. Differentiate between strong and weak bases using the extent of ionization and K».

iv. Define a buffer solution and provide an example of how it can be made.

v. How does a buffer solution control pH? Include chernical equatlons 'lI'I your
explanation. A\ EO)NBY

vi. Describe the uses of buffer solutions in various applfcations \o=2

vii. Explain how HCO plays a role in contmlltng pl-l'in the, blood

viii. Calculate the conr.entration of a shghtly soluble salt given its solubility product
constant( ? ]| g

l|\" |

e

7 !.-I”... .

\.
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3. Long Answer Questions - | (

i. Discuss the pﬂr\é]lpigs behind Ehe corrumn ion effect, providing two examples to
lllustrate] its, application.
hnd contrast strong and weak acids based on their extent of ionization and
thevalue of Ka.
iii. Elaborate on the factors that distinguish strong and weak bases, incorporating the
concept of ionization and the base dissociation constant (Kp).
iv. Provide a comprehensive explanation of buffer solutions, including how they are
prepared, how they control pH, and their uses in different scenarios.

v.  Calculate the pH of an NH,OH and NH,C! buffer solution containing one mole of each.
K, of NH,OH is 1.8 x 10°. Ans; 9.26

vi. Asolute has a partition COefficient Ky menaw=4, 100 cm’ of water is shaken with 100 cm’
of benzene containing 0.20 mol of the solute. Find the amount of solute that remains in

water at equilibrium. Ans: 0.04 mol

fi.
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