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-1 DYNAMIC CHEMICAL EQUILIBRIUM
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+ 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.

= Calculate a partition coefficient for a system in, which the !nluhE is in the same phyﬂcal
state in the two solvents.

«Explain the factors affecting the value of a partition ceefﬁcient in terms of the
polarities of the solute-and the solvent used.
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How do substances behave in various epvironments?  This requires an understanding of
chemical reactions and equilibrium. When-an additional ‘ion is added, the common ion effect
predicts solution reactions. The strength of \acids and bases can be estimated from their
dissociation constants, which! differentiate strong acids from weak ones. Buffer solutions
maintain pH equilll:irluﬂ'am regulate blood pH. This you will understand in this chapter. The
distribution: of solutes 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 cunstant K. can be nsed tn ﬂistlnguish
between strong and weak acids. \ =

The strength of an acid is gertrﬂally ekpre:sed in tem'ls 'I'.'If the al;ﬂd ianizatiun constant, K, of
the acid. Consider the case of innizutf-un of 'a general acid HX in water. In this aqueous
solution, the estahlished eqmﬂbril.m may be represented as follows:

HX '+ szm ==2H0p + X,
The equilihrium constant K for this ionization process may be written as falluws

¢ = [ROIX)
] H0]
- HO'IX]
K H0] =
or H,0] HX]

Since water is a solvent, it is present in excess and therefore its concentration may be
regarded as constant. Thus, K [H20] is another constant and is designated as K..

K H,0] = K, = HOIIX]
[H,0] X

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, Therefore, the value of K, should be
mentioned along with the temperature at which! Ks \was| determined, The dissociation
constant, K,, of acetic acid-in water at. Z’j‘ﬂ s 1 '8 %-10%. The comparison of K. Values of
different acids provides a method tu compare their strengths.
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“The greater thevilue of I{., the stronger the acid”.
The values of K, are usually'inconvenient numbers, therefore, for convenience, these values
are converted to pk; values. The relationship between K, and pK, is as follows:

!I 'Ii':_ ¢ pKl= o |Dg 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, w_nlue. 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
Perchloric acid HCLO, 1.0 > 10" -10.0
Hydrolodic acid HL 1.0 = 10" -10.0
Hydrobromic acid | Her 1.0 = 10° 9.0
Hydrochloric acid HCL 1.0 = 10 -6.0
Sulphuric acid _ Hz504 1.0 = 10", —~+3.0\\
Hydrofluoric acid HE (| o fe= 10t 0 el
Formic acid .\ \fncoom \\ ] 1.8 107 +3.75
Benzoic acid A0 0\ caicoon 6.3 10°° +4.2
Aceticacid /o] VY [ cHycooH 1.8= 10° 4.7
Phenol /||| "/ CeHsOH 1.3% 10 +8.9

i Water H:0 1.8> 10" +15.7
Which acid is stronger HCl or HF?
@xample 3.1

Calculate the concentration of H® fons of a solution that contains
1.0M HF (K, = 7.2 =< 10%)

Solution:
HFy, —H,, + Fea
Initial conc. 1.0M 0 0
Eq. conc. 1.0-x x X

(mole dm™)
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Since X is very small as cﬂl'npared tu 1.!.’1 'the term In the denominator can be approximated
as follows: ]. \

NNN ¥0.x = 10

72x10% = ”‘T’
X = 0.268M
H') - 0.268M
\. Y,

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.

NEGH (aq) —— Na‘{mj + DH.IM] . T — ..'-II:'.I.". ':...'. )

The OH ion thus formed is a Erpnrsted hasebecm it can acr:ept proton H' .
OH" + H! J—s-» H,m N
The ability of anaHétn accept 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,0,,+ BH’
The equilibrium constant Ks is called the base ionization constant and can be derived. As;
K, = [BH'1 [OH]
(8]

Ko value will be large if the degree of ionization of the base B is high i.e, if the base B8 is
strong. The Value of K, will be small for a weak base B. Again, for convenience, a parameter
pKy has been devised to express the K, value in convenient numbers. Thus, pKs is defined as
the negative logarithm of K.

pKu - "k"'gKb

o) * OHaq)




Tahle 3.2: Ksand pKs ‘Iratun' of Snme Eummun Buu
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Diethlyamine /| ||\ - qc:H,hNH 9.6 % 10° |3.02
Ethywmﬁlh"' C,H,NH, 5.6 < 10* | 3.25
Methylamine CH, NH, 4.5 = 10*  [3.34
Ammonia NH, 1.7 = 10° | 4.76
Pyridine C.HN 5.6 = 10° | B8.25
Aniline C4Hs 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 cunstant p}-l which does not
change keeping it constant for a long time. - N N TCAL =

A buffer solution. ;zam be mnde 111 tw'n ways

(1) By mixing a wea]r. Acid and a salt of it with a strong base. Such solutions give

[ r.lic n%hers with pH less than 7. e.g. CH,COOH + CH,COONa.

) "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 is

suppressed due to the common ion effect of CH,COO0 .
CH,COOH, + H,0, == CH,CO0,_ + H,0

CH,COONa == CH,CO0_  + Na®

() Suppose we add a few drops of HCI to i. ts H'ions are used p by CH,COO"




TmuﬂieaﬂdIﬂmufHElvﬂllmt:hamethegHufﬂEbuffermim
CH,COOH, ;.—_—"a-_-cn,cua-' RN\ -
HClpgy — H*hﬁc;,, ;
CH,GOO t-qlr:* H'iaq == CH,COOH 5,

(i) In the same buffer solution, if a strong base is added, it is neutralised by the

acid.
CH,COOH =Z£=2CH,CO00"_ + H'
NaOH ,,, —Na’, + OH,,

3] + O’-l(—l['.l _— '-'2011!'!
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 conjugate base is
equal to that of salt and the original concentration of acid as equilibr#um cm&;enl‘mﬁnns the
pH of a buffer can be calculated. \ -

The following example e:p!ains the calculaﬂm ﬁssmiated t,vith buffer sulutinns

|_._ - .'\-' P
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(a) Eald.ltaue ﬂ'le pH' of an acetic acid-sodium acetate buffer solution containing 1.0
mioles 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°).

Snlu;dnn
(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,CO0] = 1.0M
For acetic acid dissociation;
k, = [CHCOOTIH _ 4 4, 40
[CHCOH]
[1.0][H’]
1.8x10% = [ 1 0]

1 Thus, the pH ot’ the bul’fer salutim is 4 745.
o LA AL >
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(" by After HCLaddition:, | | /() o0 B
"\C'w T H't-qa +er (o)
l. um mole 0.01 mole (.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:

Cﬂﬂcm'{m + H“m:| —rGH,CD,H{n-,

0.01 mole  0.01 muie 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,CO0" =(1.0-0.01) mole = 0.99mole N
The equilibrium equation for this new situation can bEwritten aS, \ (CA HUL

Ks iGH,r:oD ][H’] .-_='-' ; '-._ AT : .
LS
(TN S
1.8%10°(1.01)
[H] = =50
pPH =-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.
\Jhus a buffer does a very good job in limiting the channe in pH to a very small amount. y

3.2.2 Applications of Buffer Solutions

Buffers play a crucial role in various everyday applications, helping to maintain stability B-,I"Id

prevent abrupt changes in different systems. Here are some important applications of buffers
in everyday life.

1. The buffer system in blood plasma

The bicarbonate jon (HCO,) plays a crucial \role (in maintarmng blood pH through the

bicarbonate buffer system. Blood pH ls @ rneasure ‘of its acidity or alkalinity, and it must be
tightly regulated for varim l-'lh‘ﬁiulomcat processes to function properly. The normal pH
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range of blood is approximately 7.35 —7. 45 a value higher than ? 8 t:H' lwer than 6.8 can
lead to death, M\

In the bicarbonate buffer. s;ﬁtem tl'rere i»s arwersibie exchange of carbon dioxide (CO;) and
bicarbonate ions in the blood, The reaction can be summarized as follows:
(a) Fnrmatr_or’ q{,Fa tic acid (H,C0,):
kS | I
; COzg + H2Opy = H2COx0aqy
{b) Decomposition of carbonic acid into bicarbonate (HCOy') and hydrogen ion (H'):
H,CO  HCOjq *+ Hiyg

This system is catalyzed by an enzyme found in red blood cells called carbonic anhydrase.
€O,, H,CO,, 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 fons and forming carbonic acid. This reaction helps to neutralize and eliminate

excess acidity:
HCO3pq + HIH] T H CD:: .. 2\ f;:{'. S

Neutralization of bases:

Conversely, if there are 1413!11; hases Trf the b[nod such as hydrc-xide jons (OH), the
carbonic acid dtsm;ta{eﬁ releasing hydrogeu fons that can combine with excess bases:

I OHgy + HyCO4uq 7= HCOGy + H,0,

Participating 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, pn-ols to help maintam a stable pH
level, preventing corrosion uf poul equipmnt a.nd en-suring a comfortable environment for
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5. Food and Beverage Industry: | | eR SR\ R s
Food Preservation: Bul‘fers are used | m ’ﬁn-ndpmcef.sing to mntml acidity, preserve flavours,

and maintain the stab,lity af certaih ‘food products.

Beverage Ftpchicthn ‘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 jonic 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 aquilihrium is estahlished AT

o '._'

CaF,,, ~—Ca:-m + ) o D i.:?u YOU KNOW
15 l.u'eﬂ fnr solutes which are unhr slightiy

RN :ulutiun The higher the K, value of a
K, _ca®JF AL compound, the more it is soluble in water.

N N

Sinte CaF is a slightly soluble salt its concentration almost remains constant.
Therefare,

Ko[CaF,] = [Ca®] [F']’_
Ky = [Ca*] [FT

Where K, is a constant known as the solubility product constant. It is defined as the

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

In general, K_, expression of any slightly soluble ionic compound, A B, can be written as

=M
ArBre T=—=mA", + NB™_,

Kep = [A][BT] | N\ O\
This means that the solubility product cunstan'-: is equnl tn the product ul’ the equilibrium

concentration of fons each raised ta a pmwer equal to the number of such ions in the formula
unit of the compound. -\

A
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CONCEPT ASSESSMENT EXERCISE 3.1
Write the dissociation redction and the solubility product constant expression for each of the
following satids!| |~
1. PbSO,
2. AL(OH),
3. BasO,

3.3.2 Calculating Concentrations of ions

Given the K, for AgBr (Ke = 1.60x10™%), we can use the K, expression to calculate the
concentrations of each jon in the solution.

If we represent the x moles of AgBr dissolved in one dm® of water
AgBrey =  Agng’ + Brpg — A
1.60x10" = xx O\ \r2n W\ s~
X! = 1',-5,,1{1?1.?:..]' H u
X (11126 X' 10°M
So, [Ag] = [Br] = 1.26x10°M
Slightly soluble salts dissociate only to a small extent in water, leading to low fon

concentrations. To calculate the concentration of these salts in solution, we use their
solubility product constant (Ksp).

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.
1. Set up the K, expression.
3. Solve for fon concentrations based on stoichiometry, .




fExample 3.3 AL A NWWY N\

Calculate the cmentratiun of Sl-lur chluride Uq(:l} in ﬂ: lquems solution.
1. Dissociation:
m‘-m IF‘ ‘lﬂ*luu + e
2. Km mslm
= [Ag*][Cl]
Fur AgCl, Ky = 1.8x10" at25°C,
3. Concentration Calculation:
Since each mole of AgCl gives one mole of Ag* and Cl- fons, let the solubility of AgCl
be x mol/dm’. Then,
Ksp = [x][x]
1.8x107 = ¥?
= 1.8x 10"
x =1.34x10* mol/dm’
Thus, the solubility (or concentration of Ag* and C1™) in water is approximately
1.34x107° mol/dm’

|'.|.'

CONCEPT ASSESSMENT EXERCISE 3. 1

. Ksp for PbF, is 4x10°®, calcuartethe r:nm,:entntlun H:F* am;i F iuns ln solution.
AT ' Ans: 2.5:10"rmldm’ 4.3 x10” mol dm™

2. Ky for BasQ, 1‘.‘1 1:1.’1]""’" Wﬁte the equatiun and the equilibrium expression for the
dlss_olﬁﬁ'gu:l’l bariurn sulphal:e. Also calculate the concentration of each ion.
N 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 ) =/ Hioqy +Fraa)

NaF,, —%2— Na,, +F,,

Since HF is a weak electrolyte, it slightly dissociates. NaF being a strong electrolyte breaks up
completely into its ions. The common fon F~ produced by NaF will upset its equilibrium. This
will increase the concentration of F~ {ons. According, to Le Chat!lier"s pr‘tnclple, the

equilibrium will shift to the left to use some of the F ions. This l»'."|l[ decrease the dissociation
of HF. ThusdissnciatinnofHFwiudeqcueinthepresenceurdksoldeaF This means as a
result of the equ#hl:-rium shiﬂ: th& concentration of HF will increase.




Similarly, when a highly soluble salt is [ | 1) """ p0voU KNOW
added to the saturated Sﬂﬂlﬂm ﬂf a l&s& The SEPiritlDﬂ and identification of cations into
soluble salt cunta1nirq a cammnn jon. | analytical groups is based on solubility product

The degree-of pﬁksauiatim of the less | Principle and common fon effect. In general, any
soluble salt' decreases. Therefore, it procedure that involves precipitation follows these

rinciples,
causes a decrease in its solubility. sl

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 commen 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

caoncentration of K" ion.
KCIO,, == Kz, + CIO;

{m} - — T ..I|-\.'. 'l. I.TII ..I

KCl,y — Ki C} P

(8q) (0q)

According to Le Chatelier's pﬁnciple_ K“ﬂlni \!ﬂli react mth CIQ ions to form KCIO,,, This
will suppress, the mmzatmn aF K’CIDR Thos it will precipitate out.

ii. When Hclgqiés bassed through the saturated solution of NaCl (Brine), it increases the
concentration of CI™ion.

NaCl,,, ==Na/,,+ Cl.,

fag)

"HCl.) —Hiy + CI,

{mg)

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,,,, 7==NH,,,, + OH, _ )
ii. Carbonic acid is a weak acid. It 'tunizes m water asful[r.:iws (c

H,COy ey ==22H 4 G030 | W=
What will happen if a 5]:rong eteﬂtrﬂlyte such as Na,CO, is added to a solution cmtmmng
carbonic acig?| )\ ]
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3.5 The Partltlun Caefﬁmem

If you put two immiscible quds lﬁce ether and water in a separaturyr funnel and shake. On
standing, you can see two layers. Ether is less dense, so it forms the upper layer. Assume that
solute X' djmlm 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) g X(in ether)
[K in athﬂr[
PG [X in water]

This equilibrium constant is called the partition coefficient and is represented by the symbol
Kgc. 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 first! gWEI"I by Nernst,
whao studied the partitioning of several snlu-tq'.s between varinus ELﬂtable pairs of solvents.

The partition coefficient (K) is detlmd Eftl. the| mtm ‘of the cbnnbntratinns of a solute in two
different immiscible suwants m cnntar.t \with “each other when equilibrium has been
established at a pal ular temperature The partition coefficient is a ratio of two
cmcentratinrs fd it'has no 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 solutmn of aqueous methylamine and add it into a
separatory funnel.
« 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 ‘.IG mimftes}.

« Let the layers settle and separate the two snlventx inl‘.u diff’erent bﬂi‘-ﬂ!

= Measure the cun-::entmtiun of the 5ulute 1:1 eacf'r m!uent, ) 1/




Calculations )

When100 cm’ of a 0.150 m dm? sd.uum of aq.lems me&nmm (CH3NH;) is shaken with
75.0 cm’ of an organic snivent in the separaﬂng funnel to allowed to come to equilibrium.
Only 25 cm’ ?f the aqueotss layer 1s run off and titrated against 0.225MHCI 7.05 cm® of HCI
was used.

Data for calculations

Yolume 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’

Concentration of HCI: 0.225 mol dm™

Calculate the partition coefficient of methylamine in the organic solvent and water.
Solution ~ (0 O3

o ;oA W N o

- O B o= 0 TN

. Step 1; Write down the equilibrium eqmmn

J;H,NHM =a CH.,NH; {urgan’rc :olvent]
Step 2: Write duwn thl.'.' F“ Eﬂpfessm
N VA K. = [CHiNH, (openiclayer))
[CHNH, ]
Step 3: Determine the total moles of methylamine in the original solution.
Determine the total moles of CHiyNH; in the original solution.

0.100 x 150
1000

= 0.015 mol
These moles were distributed between the two layers.
Step 4: Determine the no. of moles methylamine in the aqueous layer.
| CH NH, oy + HClisg) — CH,NH Cling

Total moles CHNH, =

25 cm’ of aqueous layer reacted with 7.05 cm? of 0.225 MHCI
1 mol of CH,NH, is: 1molorhn '

n -Mx‘ftlm’ )




moles of CHNH, reacted with I-H:lsnlutm-nﬂes of HCl salution

L - LR

(R QUBY T L 6.001586 mot

[N
As 15cm‘of the aqueous layer was titrated, the 0.001586 mol of methyhmme was present in
25cm’ of the aqueous layer.

0.001586 x 100
So, the moles of methylamine present in 1mm‘nfnqn.mslaver-———z-ix—
. = 0.00634 mol
Step 5: Determine the number of moles of CHiNH; present in the organic layer.
Mol CHyNH; {organic layer) = mol CHyNH; (total) - mol CHyNH;(aqueous layer)
= 0.015 - 0.00634
= 0.00867 mol
Step 6: Change the number of moles into concentrations: -
1000 — (0 '\.
Concentration (CH;NH; in aqueous layer} = 0. ﬂﬂ&ixﬁ_ a2\ s

) = nu&amd:::’"-"'

DL et ot
'|

1000
Concentration 1CHﬂH‘hhﬂr¢am’c lwer] D.Uﬂﬁﬁx 75
J| NN

= 0.116 mol dm?
Step 7: Substitute the values into the Ky expression:

_ 0116
0.0364

Koe = 1.83

Since the value of K. ishrﬁtrﬂun 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. n
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3.5.2 Factors Affecting the Numeﬁcal vulue uf Partition coefficient

The partition coefficient IK..:] ir:llcatm how a solute distributes itself between two
immiscible phases, usually a non-polar solvent and a polar solvent.

Factors that affl?tt' 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-dipole or hydrogen bonding interactions.

For example;

A paolar solute like ethanol (a polar molecule because of the hydroxyi 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 promote the partitiuning
of polar solutes. For example; - \

When a non-polar solute such as benzene is added, iits partition -:ne!’fiment 1: l'hg‘rier in
octanol than in water, because benzene is nun-potar and Interact.s mure with non-polar
octannl ~ T \ 1 o |

3. Temperature: ], A

Temperature. l:ah a‘ﬁféct the parl:it'[on 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. e
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| KEY POIHT‘S

The degree to which differmt Bl‘msted acids give nff protons is called “acid strength”
The greater the. ue of Ka, the stronger the acid”.

'l'l'mr of &' base is the ability to accept a proton from a solvent

A 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
ions, each raised to a power which is the coeffictent of the fon 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 fon effect.

The partition coefficient (Kx) is defined as the ratio of the concentrations of a
solute in two different immiscible solvents in contact with each other when
eq;ﬂlibﬂum 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 5nhrent is ml to its
solubility. A AN [ (Bl

O EXERCISE

1. Multiple Choice Questians tHCQs]

ii.

iv.

Which ppbnmnenan describes a shift in equilibrium due to the addition of an
ion. alreadr 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 jonization

c) Density d) Melting point

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

c) Extent of fonization d) Solubility

What defines a buffer solution?

a) High concentration of ions AR

n}ﬁmeufaweakacidandiucmjugatebme (@)
(or a weak base and its conjugate: acid) )

c) Low pH 8 d'} #bsmce of ions
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How can a buffer solution be made?

a) Mixing strong acids: énd bases :

b) Mixing a weak, aq‘.id am:l s cﬂnjugatc base (or a weak base and its conjugate acid)
c) I}Iluhﬂg a B{r-:mg 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 (Ki;)
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.

X,

ionization in water? G\

a) Acid Concentration b) Acid Dissociation. Constﬂnt {I'Eu}
c) Acid Molarity N 2 A Add Equilibrium Constant
Which type of sn[vént wmjld fanuur I:hE p-amtmnlng of a polar solute?
a) Non-polar snlvm}t n, BARES AL b) Hydrophobic solvent

c) Polar pivent - 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 ather

d) Ratio of solute mass in a single solvent

Short Answer Questions

i.  Explain the common ion 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 chemical equatiuns ln your
explanation. o\ -

vi. Describe the uses of buffer solutions 1n various applin:at’runs 3 o=

vil. Explain how HCO,~ plays a mle in cnntmlling pH in the blood.

viii. Calculate the cunl:entratim of a-stightly soluble salt given its solubility product
constant u(,,; o '

B

3 '1




3. Long Answer Queﬁtmns

iv.

Discuss the ﬂﬂl'tlﬁﬂ behind. fhe r:mmmn inn effect, providing two examples to
illustrate its application. ~

Cprlhnm and contrast strong and weak acids based on their extent of ionization and
the value of Ka.

Elaborate on the factors that distinguish strong and weak bases, incorporating the
concept of ionization and the base dissociation constant (Ks).

Provide a comprehensive explanation of buffer solutions, including how they are

prepared, how they control pH, and their uses in different scenarios.

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

A solute has a partition coefficient K, we=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

%
1)




