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Foreword

This manuscript presents a course in analytical chemistry,

illustrated by solved exercises. It is aimed in particular at second year
undergraduate students of fundamental chemistry who wish to
broaden their knowledge of analytical chemistry. It would also be
useful for analytical and mineral teachers and researchers in
fundamental sciences.

The course is devoted to the basic concepts of analytical

chemistry and is divided into six chapters, each of which contains a
series of classical exercises involving reflection and others involving
simple calculations based on bibliographical data.

This analytical chemistry course manuscript provides a

comprehensive and easily understandable presentation of all the key
concepts. It has been specifically designed to align with the new
Licence-Master-Doctorate (LMD) degree programme. It covers a wide
range of topics, including the fundamental principles of solution
chemistry. It delves into important areas such as expressing the
concentration of a solution, theories related to acids, bases, and salts,
lonisation, pH, solubility product, hydrolysis, complexometry, oxidation-
reduction, and precipitation. These concepts are particularly crucial for
students pursuing Master's and Doctoral degrees, as well as those
engaged in scientific research.

We hope that this manuscript will provide students with a more

concise teaching than standard textbooks, and that they will get the
most out of the course and the exercises available to them.

®
Mrs Lynda MITICHE-KLALECHE
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Chapter 1 Fundamental Concepts

1.1. What is a mixture ?

A mixture arises from the combination of two or more distinct substances within a
single container. The components do not necessarily blend in fixed proportions to
constitute a mixture. Examples include blends of salt and sugar, combinations of sand and
water, and amalgams of oil and vinegar. Mixtures generally fall into two main categories:

heterogeneous mixtures and homogeneous mixtures.

1.1.1. Heterogeneous mixture

A mixture is classified as heterogeneous when two or more of its components
remain discernible to the naked eye even after thorough agitation. Such mixtures are
characterized by their non-uniform composition, comprising multiple phases. Examples of
heterogeneous mixtures include:

— two liquids like water and oil or water and petroleum.
— aliquid and a solid like water and sand or water and flour.

— aliquid and a gas, as in a lemonade exposed to open air.

1.1.2. Homogeneous mixture

A homogeneous mixture is the opposite of a heterogeneous mixture: it is a mixture
where the different components cannot be distinguished by the naked eye after agitation. It
consists of a single phase.

> Water can form homogeneous mixtures with other liquids, like alcohol or ink.

Mixtures

Homogeneous mixture Heterogeneous mixture
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1.2. Definition of a solution

The dissolution of a chemical species in a large volume of liquid results in a
mixture known as a solution.
Solution = solute + solvent
A solution is a mixture of two or more components. The major component is called the
solvent, while the minor component is called the solute.
» The solute can be solid, liquid, or gaseous, but it is always present in small
quantities compared to the solvent.
» A solution can contain either molecules, ions, or both.
» The solvent is a liquid; if the solvent is water, it has referred to as an aqueous

solution.

1.3. Solutions concentrations

The concentration of a solution refers to the amount of solute dissolved in a
specified amount of solvent.
- A concentrated solution contains a large proportion of solute.
- A diluted solution contains a small amount of solute.
There are several ways to express the concentration of solutions, the most important of

which are:

1.3.1. Molar Concentration or Molarity (M)

The molarity (M) or molar concentration of a solution is used to represent the

amount of moles of the solute per litre of the solution

M: molar concentration (mol/I)
n: amount of substance (moles)

V: volume of the solution (litres)
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Example 1:
A 2 Litres of a solution is composed of 0.5 g KCI dissolved in water. Find its

molarity. Mkci = 74.5 mol/L.

Answer: n="=-==0.0067 mol KCl
M 74.5
S _ molesof thesolute _ 0.0067
Molarity is: M= litres of the solution 2 0.0335 M.
Example 2:

What is the molarity of a solution containing 150 g of NaCl in 3 litres of the
solution? M (nacl) = 58.5 g/mol.

Answer: M = Mass =0.85M

molar mass x volume

150

M =
58.5x3

=0.85 M

1.3.2. Mass Concentration (T)

The mass concentration of a solution is the mass of the solute contained in one litre
of that solution. It is denoted by T and expressed in g/L.

T_m
Y,

m: mass of the solute (g)
V: volume of the solution (L)

There exists a relationship between the mass concentration T and the molarity M:

_ T
"~ Molar mass

1.3.3. Mole fraction (x)

The mole fraction, denoted by x, is the number of moles of specific component in

solution divided by the total number of moles in the given solution.
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Mole fraction is unitless and dimensionless expression.

_ ni(mol)

Xi = Y.ini(mol)

If we have a solution composed of two compounds A and B

moles of A

" moles of A+moles of B

_ moles of B
moles of A+moles of B

XA+XB=1

Also, keep in mind that the sum of each of the solution's substances mole fractions equals
1.

Example:

Calculate the molar fractions in a solution consisting of 26 g of NaCl in 150 g of

water. M (naci ) = 58.5 g/mol.

X _ nNacCl
NaCl nNaCl+nH20
M NacCl 26
NNacl = =— = 0.44 moles
molar mass of NaCl 58.5
NacCl 26 0.44
nNa _ 585 _ .
XNaCl = = = = 0.05
NaCl = Nacion Hzo ~ 2541550 ~ 044 +833

58.5+ 18

XH20= 1-0.05=0.95

1.3.4. Mass Fraction(w;)

Let m;i be the mass of a constituent i of the solution. The mass fraction wi of this

constituent is expressed as the ratio of its mass to the total mass m of the solution:
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Wi massei(g) _ mi
' 7 solutionmass(g)  Yymi Where Y;wi=1

m; and m are expressed in the same unit of mass. wi is dimensionless.

In practice, the mass percentage is commonly used: P (%) = wi x 100.

Example:

A concentrated commercial solution of hydrochloric acid at 78% contains 78 g of
HCI in 100 g of solution, which means 78 g of HCI for 28 g of water.
1.3.5. Percentage Concentration (%)

a) Weight percent (wt-wt)

It is the number of grams of the solute per 100 g of the solution.

Weight percent (wt-wt) = —tofsolute o 100

wt.of solution

Example:

HCI at 98%: This means that 100g of solution contains 98 g of HCI.

b) Volume percent (V/V)

It is the volume of the solute contained in 100 mL of solution.

volume of solute

Volume percent (VIV) = x 100

volume of solution

Example:

Alcohol at 10 %: We have 10 mL of alcohol per 100 mL of the solution.
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1.3.6. Molal Concentration or Molality (m)

Molal concentration or molality is the number of moles of the solute contained in

one kilogram (1000g) of the solvent. It is expressed as mol/Kgsolv.

__ number of moles of solute

number of Kg of solvent

Molality is the preferred unit for certain types of calculations, although it is used less in

laboratory work.

(N ote: \

In the case of sufficiently diluted aqueous solutions, molarity and molality are

numerically equal (M = m). Indeed, under these conditions, the mass of one litre of

solution is practically equal to the mass of one litre of water (1kg).

- J

1.3.7. Equivalent concentration or Normality (N)

Equivalent concentration is defined by the number of gram-equivalents contained in

one litre of solution. It is expressed in Eq /L.

The gram-equivalent of a compound is the quantity of a substance that, in a
chemical reaction, involves one gram-equivalent of an electron (redox reaction) or one

gram-equivalent of a proton (acid-base reaction).

Normality = %

Where:

Ne: number of gram-equivalents

V: volume (L)

There exists a relationship between normality and molarity:
Z = the number of equivalents

For some chemicals, when Z = 1, N and M are the same.

Normality=Z x M
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Example:
Calculate the normality of a solution containing 7 g of H2SO4 in 3 litres of the

solution. M (H2s04) = 98 g/mol.

Number of gram-equivalents= 92—8 =49q

|81~

N= 22 =0.047N

w

It is important to note that the gram-equivalent is a concept applied to acid-base and redox

reactions.

> In the case of acids: Z corresponds to the number of H*

Example:
HCI (Z = 1); H2SO4 (Z = 2) ; H3PO4 (Z = 3)

HCI  Z=1 == E(HCI)=36.5/1=36.5g
HySOs Z=2 sy E(H2SO0s)=98/2=49g
HsPO;, Z=3 === E (HsPOs)=98/3=32.66¢

> With a base: Z corresponds to the number of OH~

Example:

NaOH (Z=1); Ca (OH)2 (Z=2)

NaOH Z=1 =y E(NaOH)=40g

Mg(OH), Z=2 === E(Mg(OH),=58.3/2=29.15¢

> With a redox reaction: Z corresponds to the number of electrons involved. Z is
the number of electrons donated or accepted.

Example:
KMnOs = K" + MnO4
MnOs +5e+8H" 2 Mn? +4H0

For MnOs : Z=5 m—) E (KMnO4) =158/5=31.6¢
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1.3.8. Relative density (Specific gravity)

The relative density (R.D) of a substance is the ratio of the mass of a certain

volume of that substance to the mass of the same volume of water.

R.D is dimensionless.

Relative density = psolution/ Pwater
Pwater = 1 g/0m3
The density of a substance corresponds to the ratio of its mass (m) to its volume
(V). Itis denoted by p and can be calculated using the following relation: m/V.

p is expressed in g/cm3.

1 Litre of solution weighs m = (1000 x R.D) (g)

Example:

We have a solution of sulfuric acid with 96% of purity and a relative density of
1.83 (MH2so4 = 98 g/mole). What are the volumes of water and acid to mix if we want to
get 1Litre of the H2SO4at 1.79 mol/L?

For the first example, with sulfuric acid:

Given that 1 litre of H,SO4 weighs 1830 g, the initial molarity of H2SO4 for 100 % of
purity would be:

C =n/V =(1830/98)/1 = 18.67 mol/L

Considering the 96% of purity, the concentration becomes:

C =17.63 mol/L=35.86 N

Since H2SOq4 is a diacid, a solution containing 1 mole per litre releases 2 moles of H3O"
ions per litre. Therefore, to achieve a concentration of C/10 = 1.79 mol/L, we need to take
100 mL of H2SO4 and 900 mL of water.

1.4. Preparation of Solutions

Solutions can be prepared using different methods depending on the nature of the

solute (solid or liquid).
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1.4.1. Dissolution Method

First, calculate the mass of the salt and the volume of water required. Weigh this
quantity on a balance, and then quantitatively transfer the salt into a volumetric flask. Next,
add distilled water to fill the flask halfway. To dissolve the salt in the water, shake the
contents of the flask. Then, add water until it reaches the mark on the flask. To obtain a
solution prepared by weighing, the substance must possess certain characteristics:

e Dbe of defined chemical composition: NaCl, CuSQOea...

e be chemically pure.

e be stable in the solid or dissolved state.

/‘\‘V

\

N

[“
>

1.4.2. Dilution Method

Diluting a solution involves increasing the volume of the solvent in the solution
without changing the amount of the solute. The solution to be diluted is called the stock
solution. Its volume is denoted by Vo, and its concentration is denoted by Co. The solution
obtained from the stock solution is called dilute solution. Its volume is denoted by V1, and
its concentration is denoted by Cj.

Since the amount of solute remains constant, we can write

n = CoxVo = C1xV1

This relation allows us to easily obtain a daughter solution of the desired concentration.
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PN l %
. ]
AL

Example:

Preparation of a dilute solution of desired concentration:
We have a stock solution of hydrochloric acid with a concentration of 1.0 mol/L. We want
to obtain a dilute solution with a volume of 100 mL and a concentration of 0.10 mol/L.

First, we calculate the volume of the stock solution to be taken: According to the

dilution law: CoxVo = C1xV1 we find Vo =10 mL.
» We extract this volume of stock solution using a volumetric or graduated pipette of
10 mL.

» We transfer this volume into a volumetric flask with a capacity of 200 mL.
» We fill the volumetric flask with distilled water up to the mark.

1.4.3. Using a commercial solution

Preparation of 100 mL of a 1N solution of HCI (R.D = 1.2 and 38%)

HCI , H" + CI Normality = Molarity
1000mL — 36.46 ¢
100mL —* m m =3.646 ¢

3.646 g of solution HCI — 38¢
100gHCI —» m

_ 100 x 3.646

= 9.59
38 J

m
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Whereas HCI is a liquid, its volume can be measured as the mass m =9.11g

d = APsolution = Lolution = m — \V/ = L
pwater V psolution
1.2

1.5. Exercises

Exercise 1:

1. Calculate the molarity of a phosphoric acid (H3POa4) solution that contains 6 moles of
solute in 3000 cm? of solution.
2. Calculate the quantity of sodium sulfate (Na2SO4) needed to obtain 250 mL of a sodium
sulfate solution with a molarity of 0.5 M.
3. Calculate the volume of a 6 M aqueous solution of sulfuric acid (H2SOa) that needs to be
taken to obtain 500 mL of a 0.3 M aqueous solution of sulfuric acid.
4. Calculate the weight percent of Na,SO4 solution which prepared by dissolving 32 g in
150 g of solution.

Molar mass (M) (g/mol): H (1); O (16); Na (23); S (32)

Answer:

1. The molarity is the molar concentration (mol/L): the amount of substance (mol)/
volume of solution (L).
C=6/3=2mol/L.

2. Amount of the substance NaxSOs : n =0.5x 0.25 = 0.125 mol.

Molar mass of NaxSO4: M = 2 x 23+32+4 x 16 = 142 g/mol.

Mass of Na;SO4: m=nM =0.125x 142 = 17.8 g.

3. The final solution contains 0.5 x 0.3 = 0.15 mol of sulfuric acid.

So, it is necessary to take V= 0.15/6 = 0.025 L = 25 mL of 6 M sulfuric acid solution.

4. The Weight percent = (32 x 100)/150 = 21.3 %.
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Exercise 2:

1. Calculate the molarity of a calcium hydroxide (Ca(OH).) solution with a mass
percentage of 24% and a density equal to d = 1.155.
2. Calculate the normality of a phosphoric acid solution that contains:
a) 98 g of solute per 500 mL of solution
b) 0.2 gram-equivalents of solute per 50 mL of solution
M (g/mol): Ca (40); O (16); P (31)

Answer:

1. One litre of the solution has a mass of 1.155 kg = 1155 g.

This solution contains 1155 x 0.24 = 277.2 g of calcium hydroxide.

Molar mass of Ca (OH)2: M = 40+2 x (1+16) = 74 g/mol

Quantity of substance of solute: m(g) / molar mass (g/mol) = 277.2/74 = 3.74 mol in 1L.

2. The normality N of an acidic solution is the number of moles of H*(q) ions that can be
liberated per litre of this solution.

Phosphoric acid (H3PO4) is a triacid: normality = 3 times the molarity.

The molar mass of phosphoric acid: M =98 g/mol.

a) Quantity of substance in 0.5 L of solution: 98/98=1 mol, which means 2 mole in 1 L.
Molarity = 2 mol/L; Normality =3 x2 =6 N.

b) The gram-equivalent corresponds to normality. 0.2 gram-equivalent in 0.05 L,

S0:0.2/0.05=4N

Exercise 3:

We have a solution of acetic acid with a density of 1.14 and a purity of 99.8%. What
volume does 100 g of this acid occupy? What is its molarity?

M (cHacooH) = 60 g/mol.




Chapter 1 Fundamental Concepts

Answer:

1 litre of CH3COOH with 99.8 % purity weighs 1.14 x 0.998 = 1138 g

So, 100 g of this acid occupies a volume V equal to V = 100 / 1138 = 8.79 x 102 L.
Calculation of the molarity of the acid:

C =(1140/60) x 0.998 = 18.96 mol/L

Exercise 4:
We have a solution at 1.75 mol/L. What volume of this solution and what volume of water

should be mixed to get :

a) 0.5 L ofa0.75 mol/L solution
b) 0.75 L of a 0.5 mol/L solution
c) 1L ofa0.375 mol/L solution
Answer:
During the dilution, the number of moles of HsO™ ions is preserved.
C initial V initial =  Cinal Vfinal
N final = Cinal Vifinal = 0.375 moles
We therefore deduce Vi
1.75Vi=0.375 hence Vi=0.214L
The volume of water to be added is therefore in each case equal to:
a) Vwater = V-V
=0.5-0.214=0.286 L
b) Vwater = V- Vi
=0.75-0.214=0.536 L
€) Vwater = Vi- Vi
=1-0.214=0.786 L

Exercise 5:

The density of an aqueous solution of sulfuric acid contained in a car battery is 1.25, and
this solution contains 33.3 % H2SO4 by weight.

a) What is the weight of one litre of the solution?

b) What weight of H.SOg is there in one litre of the solution?
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¢) What is the molarity of the solution?
d) What is the weight of H2SO4 per kilogram of water?
e) What is the normality of the solution?
M (H2s04) = 98 g/mole

Answer:

RD = 2 - 1925

Pwater

Pacid — 1.25 g/Cm3

Pwater=1g/cm3
a) The weight of 1 litre of the solution is:
1000 cm?® of the acid solution weighs 1250 g.

b) The mass of the acid contained in 1000 cm? of the solution is:

1250 g x 33.3

52 416.25 ¢

c¢) The molarity of the solution:

= 4B _ 405 M

molarity = "

X3

d) 33,3 gof acid is contained in 100 g of water.
For 1000 g of water, we have: 33.3 x 10 = 333 g of acid.

e) Normality = number of grams equivalent of the solute contained in 1 litre of the
solution.

1 gram equivalent of sulfuric acid weighs 49 g.

416,25 g

Number of grams equivalent of acid = = 8.50 geq.

The normality of the solution is 8.50 N.
Exercise 6:

The titrant solution of hydrochloric acid used has a concentration of C = 0.10 mol/L. This
solution is prepared using a stock solution (mother solution) of hydrochloric acid with a
mass percentage equal to 30 % and a density of d = 1.15.
1. Calculate the molar concentration C of the stock solution.
2. What volume V of the commercial solution should be used to prepare 200 mL of
this titrant solution? M (g/mol): H (1); CI (35.5), T =298 K.
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Answer:

1. Density of a liquid = mass of a volume V of the liquid/mass of the same volume of
water for 1 L of stock solution, its mass is 1.150 g;
In this solution, the mass of HCI is 30 % x 1.150 g = 345 g.

Now, M ner =1 + 35.5 = 36.5 g/mol.
In 1 L of the stock solution, we thus have 345 / 36.5 = 9.45 moles of HCI,
hence, C =9.45 mol/L.

2. the stock solution the dilute solution
C =9.45 mol/L C’=0.10 mol /L
V=2 V’=0.200 L

N Her=C xV NHo=C XV’

Wehave nNpa=CxV=C xV
therefore V=C' xV' /C=2.1mL.

Exercise 7:
A concentrated solution of nitric acid (HNO3) with a density of 1.4536 contains 78 % by
weight of nitric acid.
a) What is the mass of the acid contained in one litre of the solution?

b) What is the volume of this concentrated solution containing one mole of acid?

M (Hno3) = 63 g/mol
Answer :

a) One litre of the nitric acid solution weighs 1453.6 g.

. . . . 1453.6 x 78
The mass of the acid in one litre of solutionis m = .

=11338yg

b) Number of moles of acid in one litre of solution: % = % = 18 moles

18 moles of acid are contained in 1000 cm® of concentrated solution,

and 1 mole of acid is contained in a volume: v = %0 =55.52 mL.
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Exercise 8:
What is the procedure of preparation of 100 mL of 0.5M NaOH ?  (Mnaon) = 40 g/mol)

Answer:

Molar mass of NaOH = 40 g/mol
The solubility of NaOH in water at 25 “C is 1000 g/L or 1 g/mL.

1. First, we have to calculate the amount of NaOH required for the preparation of the
solution.

2. To do that, we calculate the number of moles in 100 mL of 0.5 M NaOH solution

0.1Lx0.5M=0.05mol.
3. Next, by definition, moles of solute = (mass of solute/molar mass of solute).
4. Therefore, mass of NaOH required for the preparation of solution
=0.05x40=2g
5. Dissolve it in the beaker with 100 mL of distilled water.
6. Top up the flask carefully to the mark with more distilled water.
7. Stopper the flask and mix well.
This is your 100 mL of 0.5 M NaOH solution.
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2.1. Notion of chemical equilibrium

Reversible reactions are in a state of equilibrium when the direct and reverse
reactions occur at the same rate. An equilibrium is characterized by its equilibrium

constant K¢.

aA + BB — vyC + 6D

. _ [y X[’

[AF[BY

If the concentration of one of the constituents increases, the system evolves in the direction
of its disappearance.
Conversely, if the concentration of one of the constituents decreases, the system evolves in

the direction of its formation.

In other words, a reaction is said to be reversible when, as the reagents combine to give the
products, they react with each other to give the reagents. This reversibility is represented
by a double arrow:

Example :

Hogt+l2a == 2HIl

— :direct reaction

«— : back reaction

Chemical equilibrium is the situation that is reached when, in a chemical reaction, the
concentrations of reagents and products arrive at a constant value that does not change over
time.

Thus, for reactions that involve, for example, a solution (or a gas) and a solid, the
solid phase can be considered as a reservoir of material with respect to the solution (or the
gas) where the reaction (s) take place. The concentration in the homogeneous phase of the

solid substance is constant and does not intervene in the expression of K¢'.
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Example :

CaCOs3 solid == (a0 solig + CO2 ga; Kct = [COz]

Another constant Ky' is thus defined for the equilibria in the gas phase, which connects the

partial pressures of the constituents of the equilibrium.

(XAgaz"'BBgaz — ’YCgaz+8Dgaz
o
Kt = P.” x P,
ap B
I:)A I:)B
2.2. Homogeneous equilibrium. Heterogeneous equilibrium

All the substances in equilibrium form a medium with a homogeneous or
heterogeneous appearance.

Depending on the case, there are two types of equilibrium:
2.2.1. Homogeneous equilibrium

The substances are all in the gaseous state, or all in the fully miscible liquid state, or

in the dissolved state in the same solvent.

Examples :
Gazeux : 2 802@az) + O2 (ga) == 2 SO03(ga)
Liquide: CH3COOHsg) + C2HsOH@ag) == CH3COOC:Hs (ag) + H20(aq)

2.2.2. Heterogeneous equilibrium

The medium consists of gases and solids, or solids and liquids, or immiscible

liquids..

Examples :
CaOsolid) + CO2(gaz) — CaCOs3(solid)
H2Ogce)y =— H20liquide)

Changes in physical state or structure are heterogeneous equilibria.

ﬂ
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2.3. Equilibrium constant

2.3.1. Mass action law or Guldberg and Waage law

Consider the reaction:

——
aA + bB ~— cC +dD

» When chemical equilibrium is reached: Ar Gr) =0 (Ar G is the Gibbs free energy)

* Equilibrium is defined by a thermodynamic quantity called equilibrium constant K given

by the law of mass action:

Equilibrium constant at the temperature T

d
K _ 9q(c) %eq (D)

b
Geq (4) Feq (B)

A pure solid : apx) =1

A pure liquid : ax) =1

- K depends only on temperature

- K'is without units

Aeq(x): activity of constituent (x) at quilibrium

(concentrations and pressures) at equilibrium

. C;
Solution:  ay :C—i

i

Gaz parfait : aw :%

Ci : Concentration
C’ : Reference concentration = 1 mol/L
P’ : Reference pressure = 1 bar.

K is also related to the standard reaction enthalpy Ar G°(T) by the relationship:

ArG'm=-RTLnK

=)
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The current interest of the Guldberg-Waage law is to lead to the expression of equilibrium

constants.
aA+bB — cC+dD

[CI'x[Dff
KC = a b
[Al'[B]
If K¢ is large, the equilibrium promotes product formation (sense - )
Similarly, a small value of K¢, the reverse reaction is favored (sense < ) and the reagents

are

Note:

In an equilibrium constant, concentrations are in mol/L and pressures are in atm.

2.3.2. Variation of the equilibrium concentration with T: Van't Hoff

equation

The equilibrium constants K (K¢ or Kp) vary with temperature.
ArGozArHo' TArSoz'RTLnK
ArG°/RT= AH°/RT - TAS°/RT=-RTLnK/RT

It is assumed that at temperature T, A;H°® and ArS® are constant. Meaning:

d I K = AH

ar 0= 2
Van’t Hoff's Law AHC

d(lnK)= <L=dT

=)
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By integration we can determine Ktz and its relationship with K¢ty

fKTz ) AH (T2dT
d(LnK) = f —
R Jp, T?

Kr1

InK InK _ K(TZ)_ ArH 1 1
n Kr2) n R = LN - = R (Tz T1)
AH 11
K12y = K(r1)- exp (- T) (T_z - T_1)

Two cases: A, H® > 0: K increases with temperature;

A H° <0 : Kdecreases with temperature.

2.4. Displacement and equilibrium factors

aA+bB — cC+dD

Ar GO(T) =-RTLnK

AG )

RT

LnK =—

[e]

™

A.G
If the value of one of the terms rR—T or K (Kp or Kc) varies, equality is no longer

respected, the system is no longer in equilibrium. It therefore evolves to reach a new

balance.

The transition from a state of equilibrium to a new state of equilibrium under the influence

of a disturbance external to the system is called “equilibrium shift”.

We act on the quantities on which depend AG:

= Temperature T

= Total pressure P

= Concentration or partial pressures
These quantities are called equilibrium factors.

ﬂ
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2.5. Displacement of chemical equilibrium

2.5.1. Law of moderation or LE CHATELIER'S principle

When a system at equilibrium is subjected to a disturbance, it moves in the direction

that tends to oppose this disturbance to return to its state of equilibrium.
Example:

According to Le Chatelier, the position of equilibrium will move in such a way as to
counteract the change. In this case, the equilibrium position will move so that the
concentration of A decreases again by reacting it with B to form more C and D. The

equilibrium moves to the right (indicated by the green arrow below).

A+ 2B = C + D

-
The position of equilibium moves o the
right if you increase the concentration of A.

In the opposite case in which the concentration of A is decreased, according
to Le Chatelier, the position of equilibrium will move so that the concentration of A
increases again. More C and D will react to replace the A that has been removed. The

position of equilibrium moves to the left.
2.5.2. Influence of the temperature

If, at constant total pressure Pror:

 the temperature T of the system at equilibrium is decreased, then it evolves in the
direction of the exothermic reaction (heat release).

+ the temperature T of the system at equilibrium is increased, then it evolves in the
direction of the endothermic reaction (heat absorption).

The modification of T has no effect on an athermal reaction: ArHp = 0.

Note:
When the temperature increases, the equilibrium moves in the endothermic

direction, i.e. in the direction where ArH is positive.
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» A, H < 0the reaction is exothermic, the equilibrium releases heat by moving from left
to right:

» The temperature is increased: T, > Ty : T1 -T2<0 hence, A,G >0

by increasing the temperature of an exothermic reaction the reaction regresses,

= The temperature is decreased:, T> < T1: T1 -T2>0 hence, A,.G <0

by decreasing the temperature of an exothermic reaction, the reaction progresses.

» A, H > 0, the reaction is endothermic the equilibrium absorbs heat by moving from left
to right:

= The temperature is increased:, T2 > T1: T1 - T2<0, hence, A.G < 0 by increasing the
temperature of an endothermic reaction, the reaction progresses,

= \We decrease the temperature: T> < Ty: T1 - T2>0, hence, A,.G > 0 by decreasing

the temperature of an endothermic reaction, the reaction regresses.

To summarize

A temperature increase at constant Conversely, a decrease in temperature at
pressure shifts the equilibrium in the|constant pressure shifts the equilibrium in
direction that opposes this increase, the the direction that opposes this decrease, the

endothermic direction. exothermic direction.

2.5.3. Influence of the pressure

In the case of a system comprising a gas phase, if, at constant temperature T:

= The pressure Pyt of the system at equilibrium is increased, then it evolves in the
direction that decreases the number of moles of gas (Le Chatelier's Law).
= The pressure Pt of the system at equilibrium is decreased, then it evolves in the

direction that increases the number of moles of gas.

Note:
When the pressure increases, the system moves in the direction that lowers it,

therefore in the direction that decreases the number of moles of gas.
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2.5.4. Introduction of a constituent

o Inert constituent, i.e. a constituent that is not involved in the reaction, solid or liquid: no
displacement of the equilibrium if T remains constant.

o Inert gas component:
» no displacement of the equilibrium if T and V remain constant.
» shift of the equilibrium in the direction that increases the number of moles of gas
if T and P remain constant.
o Solid or liquid constituent of the reaction: no shift of the equilibrium if T and V remain
constant.
o Gaseous constituent of the reaction: displacement or not, if T and P remain constant,

depending on the case.

Note:
The system evolves in the direction that consumes the added reactant.

2.6. Exercises :
Exercise 1:

Let the equilibrium in the gas phase be:
NoOs =—= 2NO;

At 25°C the constant K¢ of this equilibrium is 172.
At this temperature, 2 moles of N2O4 and 5 moles of NO: are introduced into a 10 litres

reactor. Calculate at equilibrium the number of moles of each species.

Answer:

N204 _— 2 NO2
Initial mols 2 5
mols at equilibrium 2 - X 5+2X
Concentrations at equilibrium (2 -x)/10 (5+2x)/10

=]
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[NO, |
At equilibrium Ke = 55—+
© N0,
(5 + 2x)2
172 = ﬁ ) x=105
( 10

At equilibrium there are :
the number of moles of NO2 is (5+2x) = 8.9 mol

and the number of moles of N20a4.is (2-x) = 0.05 mol

Exercise 2:
The synthesis of ammonia gas is carried out, industrially, according to the chemical
equilibrium of equation:
Na(g) + 3Hz2(g) = 2 NH3(g)

1. Knowing that this reaction is exothermic in nature, at equilibrium temperature, what is
the effect of a temperature change on this equilibrium ?

2. What is the effect of a pressure change on this equilibrium (at constant temperature)?
justify.

3. What is the effect of an addition of gaseous dinitrogen N2 on the equilibrium, at constant

temperature and volume?

Answer:

1. A decrease in temperature shifts the equilibrium in the direction of the exothermic
reaction (NHs synthesis).

2. An increase in Pyt causes an evolution of the system in the direction of a decrease in the
number of moles of gas (law of moderation), that is to say, for the reaction studied, in the
direction of formation of NHs.

3. At constant T and V, the introduction of gaseous dinitrogen: the system then evolves

spontaneously in the forward direction, therefore in the direction that consumes No.

ﬂ



Chapter 2 Equilibrium in solution

Exercise 3:

At temperature 817°C, the K, of the reaction between pure CO, and an excess of
carbon is equal to 10.

CO2az) + Cesolidy == 2 CO(gaz)

1. Write the equation of Ky in the homogeneous phase.
2. Calculate the partial pressures of CO2 and CO at equilibrium, knowing that at 817°C the
total pressure in the reactor is 4 atm.
3. The reactor volume was 5 litres. Determine the number of moles of CO and CO: at
equilibrium.
Answer:
Kp= (Pco)Z/ Pco2 =10
with Pco+ Pcoz2=4
(Pco)2 + 10.Pco-40=0
Pco=3.06 atm and Pco2=0.94 atm
Let's apply the ideal gas relationship to the gas mixture:

PT.V = NT.R.T

4.5 = N7 .0,082.(273 + 817)

So Nt =0.224 mole.

There is proportionality between number of moles and pressure:

Nco/ 3.06 = Nco2/ 0.94 = 0.224/ 4.

we find Nco=0.171 mol and Nco2 = 0.053 mol.

ﬂ
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Exercise 4:

How the equilibrium volves:

CH4 —— C +2H AH >0

If we raise the temperature

If we raise the pressure

If constant volume methane is added

If we add carbon

If an inert gas is added at a constant volume

If an inert gas is added at constant pressure.

Answer:

1.

2.

3.

Move to the right

Move to the left

Move to the right

No change: carbon is the only constituent of the solid phase, its concentration is 1
whatever its mass

No evolution

Move to the right.

ﬂ
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3.1. Oxidation, reduction, redox couples, oxidation-reduction reactions

An oxidation-reduction reaction is a type of chemical reaction that involves a
transfer of electrons between two species. A redox reaction is any chemical reaction in
which the oxidation number of a molecule, atom, or ion changes by gaining or losing an
electron.

For example, when zinc metal is dissolved in an aqueous hydrochloric acid, the

zinc is oxidized from Zn° to Zn?*, and the acid hydrogen is reduced from H* to Hz(g).

Zn+2HCI — Zn*+Hg +2Cl

3.1.1. Oxidation, reduction
» Oxidation

Oxidation is a chemical transformation in which electrons are lost by an atom,

molecule, or ion.
Oxidation half-reaction: Red A Ox+ne

Example:
Cu == Cu?+ 2e the Cuatom is oxidized to Cu?* ion
» Reduction
Reduction is a chemical transformation in which electrons are gained by an atom,
molecule, or ion.

Reduction half-reaction: Ox + ne —— Red
Example: lo+2e~ == 21= moleculariodine is reduced to ion I
A reduction corresponds to a gain of electrons, while an oxidation corresponds to a loss
of electrons.

Oxidation and reduction always occur simultaneously because the total number of

electrons must be kept.

ﬂ
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Example:

In the reaction of elemental calcium and oxygen to produce calcium oxide:
Cag + %L02@ — CaO g

Oxygen gains two electrons and calcium loses two electrons. Although the two

events occur simultaneously, they may be written as two separate half-reactions:

Reduction half-reaction: 02 + 2e- — OF

Oxidation half-reaction: Ca —» Ca% + 2¢

3.1.2. Reducer, oxidizer
> Reducer (reducing agent) (noted red): it is a chemical species capable of
yielding one or more electrons.
> Oxidizer (oxidizing agent) (noted Ox): it is a chemical species capable of

capturing one or more electrons.
3.1.3. Redox couple

A redox couple (Ox/Red) is such that it is possible to change from the oxidized

form (Ox) to the reduced form (Red) by transfer of n electrons.
Ox + ne =—= Red

An oxidizing-reducing couple is noted as an Ox / Red couple.
Oxidized species Ox of a couple undergoes reduction, while a reduced species
Red undergoes oxidation.
Examples:
2
Cu +(aq) +2e"— Cuyg the copper ion undergoes a reduction

2+ . . .
Cus)y —Cu @ +2¢ solid copper undergoes oxidation

2H @) + 26 == Ha the couple H*/ Ha

Oxidizer Reducer
Clo+t2e == 2Cl () the Clo/ ClI” couple
AP g +3e == Alg the AI¥*/ Al couple

ﬂ
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This writing reflects the possibility of switching from Ox to Red and vice versa by
electron transfer. This writing is formal since electrons do not exist in the free state in
aqueous solution.

The oxidant and the reducing agent thus connected are said to be conjugate: they

form a redox couple, denoted Ox/Red.

3.1.4. Oxidation-reduction (redox) reaction

An oxidation-reduction or redox reaction is a reaction in which the electrons are
exchanged between two redox couples Oxi/Red; and Ox2/Red>.
The total number of electrons lost by oxidation must be equal to the number of electrons
gained by reduction.

Either the two pairs Oxi/Redi and Oxz/Red such as:

Oxi+ne == Red: (x n2)

Redz == Oxz+nze" (x n1)

The redox reaction equation is written by combining the electronic half equations,

but in such a way that the transferred electrons do not appear in the balance.

nOx1 + ntRed2 —= ni1 Ox2 + n2 Red:
Example 1:

The galvanic cell in which the given reaction takes place is depicted as:

ZNSIZn** @g)|AY* aq)AY(s)

salt bridge

Ag(s) £n(s)

Oxidation atanode: Zn ) == Zn%'@q + 2€

Reduction at cathode: 2 Ag'aq +2€ == 2Agy)

The overall reaction is: Zn+2Ag"t == Zn**+ 2Ag

ﬂ
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Example 2:
Oxidation of iron straw in copper (I1) sulfate solution. Diagram of the oxidation-

reduction reaction (Diagram: Samuel Renaud)

Fe®* (g ,
Cu?* (aq)+ 504" (aq) NaOH (aq)

T~ — |
X 2 w __> L __2
Fe (s) Cugs Fe* (23q) + 20H zq) -)Fe(OH): (s

@ P

Step 1: The grey iron straw is introduced into a blue solution of copper (II) sulfate

(CuS0Qs4) (presence of Cu?* ions).

Step 2: The initially blue aqueous solution has become discolored, indicating that the
Cu?" ions have been consumed. In addition, the iron straw is completely covered with a
red-brown precipitate after several days characteristic of a Cu deposit.

The Cu?* ions were converted to Cu®.

Step 3: Soda (NaOH) is added to the discolored aqueous solution. A green precipitate is
then formed characteristic of a deposit of iron hydroxide (Fe(OH)z2 (s)). This makes it
possible to highlight the presence of Fe* ions in the discolored solution.

Iron(ll) has been converted to Fe?* ions.

On balance, the equation for this oxidation-reduction reaction can be written:

Feo +Cu® @y — Fe¥ap+ Cug

)
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3.2. Oxidation numbers
3.2.1 Definition

The oxidation number (denoted n.o.) makes it possible to determine the oxidation
state of an element, whether this element is alone or engaged in a molecular or ionic

structure. Its value is either negative, zero, or positive and is expressed in Roman numerals.
3.2.2. Rules for assigning oxidation numbers

» The oxidation number of any free element always remains zero
The oxidation number of the elements or simple bodies is equal to 0.
Example:  For simple bodies Clz, Oz, N2, Na, H2 and Cl n.o. =0
For Cu metal, n.o.(Cu) = 0;
» The oxidation number in the case of a monatomic ion is always equal to the value

of the charge of the ion.

» The oxidation number of group 1A and 2A in periodic table (groupl and group2)

elements are +1 and +I1 respectively :

Example: For Al ion, n.o.(Al) =+ 11l Na* ion, n.o.(Na) = + |
Cl" ion, n.o.(CI) =-I; 0% ion, n.0.(0) =-1I.

» To determine the oxidation number of an element in a building, it is necessary to:

= Establish Lewis' representation of this edifice;
= Assign the binding doublet(s) to the most electronegative atom;

= Take stock of expenses.

% The algebraic sum of the n.o. of the atoms of a molecule is zero (in general for

hydrogen is n.o. (H) =+ I and for oxygen it is - 11.
For the molecule HBr,  n.o. (H) +n.o. (Br)=0  therefore n.o. (Br) = -I
+¢+ The oxidation number of oxygen in compounds is equal to (-11).

++ The most common exception is in peroxides (H20> for example), when the n.o. (O) = - |
and in F20 the n.o. (O) = +lII.

=]
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+« In compounds, the oxidation number of hydrogen in is almost always +I. The most
common exception occurs when hydrogen combines with metals [LiH; NaH; ....], in this

case the n.o of hydrogen is typically —I.

< For an electrically neutral compound, the sum of the positive and negative oxidation

number of all elements in the compound equals zero.

< For a complex ion, the sum of the positive and negative oxidation numbers of all

elements in the ion equals the charge on the ion.

< Chloride has not changed its oxidation state. It is a spectator ion in this reaction.

Example:
For Cr207%

Let x be the degree of oxidation of Cr

The n.o. of oxygen = - 1l and the charge of the complex is equal to - 2
2X+7(-2)=-2 so x=+VI

For CO2: n.0.(C) +2n.0.(0) =0 with n.0.(O) =-Il, therefore n.0.(C) = +IV.

For NOz, n.o (N) + 3n.0 (O) =-I, withn.o.(O) =-Il, therefore n.o(N)=+V

3.2.3. Redox reactions and oxidation numbers

Redox reactions are comprised of two parts, a reduced half and an oxidized half,
that always occur together. The reduced half gains electrons and the oxidation number

decreases, while the oxidized half loses electrons and the oxidation number increases.

Cu* + 2¢ — Cu  The n.o. goes from (+11) to O (decreases)

n.o.=+ 11 n.o.=0

a) Definition

» An oxidizer is a chemical entity whose n.o. may decrease.
» A reducer is an entity whose n.o0. may increase.

» Oxidation corresponds to an increase in n.o.

» A reduction corresponds to a decrease in n.o.
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Gote :

~

If the oxidation number is constant Ano = 0, the envisaged reaction is not an

oxidation-reduction reaction.

When an element is oxidized, its oxidation number increases; it decreases when the
element is reduced.

\This property can be used to detect if a species has undergone oxidation or reduction. j

b)

Identifying oxidized and reduced elements

Zn @ +2H'Gaq) — Zn%ag)+ H2(g)

n.o.=0 n.o. = +lI n.o. =+l n.o.=0

The oxidation state of H* changes from (+1) to 0, and the oxidation state of Zn changes

from 0 to (+11). Hence, Zn is oxidized and acts as the reducing agent.

The oxidation state of H" changes from (+I) to 0, and the oxidation state of Zn changes

from 0 to (+I1). Hence, H* ion is reduced and acts as the oxidizing agent.

c)

Dismutation reaction

It is a chemical reaction in which an element acts as an oxidant and a reductant.

Example:

Chlorine disproportionation

We have two redox couples:

Cl2 +20H = CIOC + CIF + H20

n.o.=0 n.o. = +lI n.o. = -l

» Cl2/CI™: chlorine acts as an oxidant.

* CIO/Cl2: chlorine acts as a reducing agent.

Therefore, chlorine plays the role of a redox ampholyte.
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d) Water redox couples
Water has acid-base properties and redox properties: It has two redox couples:
% H*/H2 in acidic medium or H20/H: in basic medium

2H"+2e — H» in acid medium

2HO+2¢e7 —= H2+20H" in basic medium

*» O2/H20 in acidic medium or O2/OH"in basic medium

O+4H"+4e — 2H)0 in acidic medium

O2+2H,0+4e —= 40H in basic medium

3.3. Equilibration of an oxidation-reduction reaction

3.3.1. Balancing a redox reaction using the half-reactions

Step 1: Write the half equations associated with each couple in the direction they unfold.

How to balance half-reactions?

We balance the chemical elements other than O and H. (CI, I, Mn...).

The element O is balanced: if necessary, H,O is added.

We balance the element H: if necessary, we add H"
Then the charges are balanced by adding electrons on the oxidizer side.

Step 2: The half-reactions are optionally multiplied so that the number of electrons
exchanged is the same in each half-reaction. (Electrons should not appear in the balanced
reaction).

Step 3: Sum of the two half-reactions. The species that are found on the products and
reagents side are optionally simplified.

The reaction can now be checked to make sure that it is balanced.

ﬂ
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Example 1:

Couple S406%/S203*

To find the four sulfur atoms, we must double the species S,03%

hence: S406> == 2S5,05%

We have two electrons on the left side and four on the right side, so we must add two

electrons: S406% +2e- == 2 S,03% The reaction is balanced

Example 2:

Couple MnO4/Mn?*

When the oxidizer contains oxygen atoms and the reducer no longer contains
oxygen atoms, it is usually sufficient to add water molecules.

MnOs == Mn? Mn atoms are balanced

MnO; == Mn?* + 4 H,0

4 molecules of water are added to balance the oxygen number
MnOs + 8 HY == Mn?" + 4 H,0

8 H* protons corresponding to the 4 water molecules are added.

5 electrons are added for electroneutrality.
MnOg4 + 8 H* + 56 = Mn?* + 4 H20 The reaction is balanced

Example 3:

Either the Fe3*/ Fe?* and MnO47/ Mn?* couples in an acid medium

: Each half reaction should be multiplied by the number of electrons in the other half

equation. Oxidizer of couple 1 will react with reducer of couple 2.

Fe®* > Fe¥*+e  (x5) Oxidation half - reaction
MnOs +5e~ — Mn? Reduction half - reaction

5Fe?* + MnO4 — 5Fe®" + Mn?*

ﬂ
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Step 2: Balance O and H* with H20
5 Fe** + MnO4~ — 5 Fe** + Mn** + 4 H,0
Step 3: Balancing loads with H*
5 Fe?* + MnO4 + 8 H" — 5 Fe3* + Mn?* + 4 H,0
Final equation

The charges are already balanced: no electrons should appear in the final equation

5 Fe?* + MnO4~ + 8 H* — 5 Fe?* + Mn?* + 4 H20

Example 4:

The same Fe**/Fe?* and MnO4/Mn?* couples are considered in basic medium

In the above, the balance reactions were balanced using H* ions. This is the method
to be used when the reaction takes place in an acidic medium.

When it takes place in a basic medium, it is necessary to balance this time with OH~
hydroxide ions instead of H* ions.

To do this, the easiest way is to start by equilibrating in an acidic medium, then

switch to a basic medium thanks to the fact that: H* + OH- —= H0.

Example 5:
We take the balanced equation of the previous example in an acid medium, and

we go to a basic medium:

5Fe?* + MnOs~ + 8 H* — 5 Fe®* + Mn?* + 4 H,0
5Fe?* + MnOs +8H' +80H — 5Fed + Mn?" + 4 H,0O + 8 OH"
5 Fe?* + MnOs~ + 8 H,0 — 5 Fe®t + Mn?* + 4 H,0 + 8 OH"

5Fe?" + MnO4™ + 4 H20 — 5 Fe** + Mn?* + 8 OH-

3.3.2. Balancing redox reactions using oxidation numbers

Consider the Cu?/Cu couple: the oxidizer has the oxidation number (+I1) while the
reducer has the oxidation number 0.

The n.o. is lower in the Red species than in the Ox species.
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. . 2+ -
During reduction: Cu  +2e” — Cu copper n.o. decreases

. I 2+ - .
During oxidation: Cu — Cu + 2e copper n.o0. increases
During a reduction, the n.o. of an element decreases, during an oxidation it increases.

Step 1: Write the equation Ox; + Red; — Red; + Oxa.

Step 2: For each pair, identify the element whose oxidation number varies. Adjust the
stoichiometric numbers so that this element is balanced.

Step 3: For each pair, determine the variation of the n.o. of this element. This corresponds
to n (number of exchanged electrons)

Step 4: Adjust the stoichiometric numbers so that the value of n is the same for each pair.

Step 5: Balance oxygen atoms and charges using H,O and H

Step 6: In reactions occurring in an acid medium, it is necessary to involve as many H*
ions in the reagents as necessary to achieve equilibrium of charges. The presence of n H*
ions in the reagents requires the appearance of n/2 molecules of water (H20) in the
products.

Step 7: In a basic medium, it is necessary to involve as many OH" ions in the reagents as is
necessary to achieve equilibrium of charges. The presence of n OH"ions in the reagents
requires the appearance of n/2 molecules of water (H20) in the products.

Step 8: In an aqueous medium with the appearance of an acidic medium or a basic
medium, it is necessary to involve in the products as many H* or OH" ions as necessary.
The presence of n OH or n H* ions in the products requires the intervention of n/2

molecules of water (H20) in the reagents.

ﬂ
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Example 1:
Action of dilute nitric acid (HNO3s) on copper
Oxidation: Cu — Cu®* + 2e¢ x3 then.o.goes fromO0to +lI

no.=0 n.o.=+1I

Reduction: NOs + 3¢ +4H* — NO + 2HO x2
no.(N)=+V n.0.(N) = +lII
| An.o.=- 1l

3Cu +2NO3s +8H* — 3Cu? + 2NO+ 4H20

Example 2:
Balance the following equation: aHCl+b O2 — cCl2+dH20.
n.o.(H)=+l and n.o.(Cl) =-1 in HCI molecule

n.0.(0) =0 inthe Oz molecule
n.0.(Cl) =0 inthe Cl> molecule
n.o.(H) =+l and n.0.(O)=-11 inthe H20 molecule

During the reaction:

n .o.(H) does not vary An.o. (H) =0
n.o. (Cl) increases from -1to 0: An.o.(Cl)=0-(-1) =1
n.o. (O) decreases from 0 to -11: An.o0.(O)=-2-0=-2
The total charge transferred by the Cl atoms and that captured by the O atoms must
compensate each other (conservation of charges during the reaction).
An.o. (0O) + An.o. (Cl)=-2+2x1=0.
So one molecule of O, is compensated by four molecules of HCI (a = 4 b).

All that remains is to balance the products in such a way as to preserve all the elements.

4HCI+02 — 2Cl2+2H20
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Oxidation-reduction Reactions

3.4. Exercises

Exercise 1:

Determine the oxidation number of the underlined atoms in the following compounds:
NaCl, KH, H20, NOz, CuO, KMnOy4, H3PO4, H202, HCrOgs, Cr20s.

Answer:

NaCl:n.o (Na) =+1,n.o (Cl) =-I
KH:n.o(H) =-1, n.o(K)=+I

H20:n.0 (0)=-11,n.0(H) =+I

NO2: n.o(O) =- Il or x the n.o of N then: x

-4=0=>x=4, no(N)=+1V

CuO:n.o(0)=-1l,xthen.oof Cuthen: x-2=0=x=2,n.0 (Cu) =+l
KMnOa: the sum of the n.o = +1 +x + 4(-2) =0, n.0.(Mn) = +VII

HsPO4: the sum of then.o=+3 +x+4(-2) =0, n.0(P)=+V
H202:  thesum of then.o=+2 +2x =0, n.o (O) =-I
HCrOs: the sum of the n.o = 1+x-6 =0, n.o (Cr) = +V
Cr203:  the sum of the n.o = 2x-6 =0, n.o (Cr) = +l11I
Exercise 2:

Balance the following redox reactions by writing in each case the two redox half reactions.

Cr(OH); +CIOO ———»
MnO4
103"
Cr

+ SO ——»
+ Cr(OH)y ——»

+ NO3 _—

KMnO4 + K2SO3+H2S04 —K2S04+ MnSO4+H20

Answer:

Balance the redox reactions

Cr(OH); +CIO" ——» CrOs& + CI

CrOs# + CI (in basic medium)
Mn?* + SO4% (in acidic medium)
CrOs2~ + |- (in basic medium)
Cr’* + NO (inacidic medium)

(in acidic medium)

(in basic medium)

(Cr (OH)3 +50H" ——» CrOs* + 4 H;0 +3e) x 2

(CIO + H,0 + 2¢

— » CI+20H)x3

2Cr (OH); +3CIO"+ 40H ———» 2CrOs* + 3ClI'+ 5H20

ﬂ
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MnOs + SOz ——  Mn?" + SO (in acidic medium)

(MnOs +8H" +5¢ ——» Mn* + 4H0) x2

(SO + H:0 ——» SOZ +2H"'+ 2¢) x5

2MnOs + 5803 + 6H* 5 2Mn?" +5S04 +3H0

I0s- + Cr(OH)s 5 CrO4?- + |- (in basic medium)

I0s" + 6e” +3H,0 — 3 |- + BOH"
(Cr(OH)s +50H" —» CrOs2- +3e” + 4H,0 )x2

03~ + 2Cr(OH)3 +40OH- — > | +2Cr0Os%- + 5H20

Cr + NOs —>Cr’* + NO (in acidic medium)

NOs +3¢° + 4H" ——» NO + 2H0

Crs) ——» Cr** + 3

Cr(s)+ NOy + 4H' ———» Cr¥* +NO + 2H:0

KMnOs + K2SO3 + H2S0s4 — K2SO4 + MnSOs + H20  (in acidic medium)
(MnO4 + 8H" + 56 ——» Mn?* + 4H,0) x2

(SO + H:0 ———» SO +2H*+2é) x5

2 KMnOs + 3 H2804 +5 K2SO3 ——— 2MnS0Os4 + 6 K2SOs4 + 3 H20
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Exercise 3:

Determine the oxidation number of the underlined atoms in the following compounds:

CuClz, Oz, PO#*", Cr:03, Ad', MnOs, Na, SO4*, [Fe(CN)s]*

Answer :

a) The oxidation number in the following compounds:

CuClz: n.o. (Cu)=+1V 02:n.0.(0)=0

Cr03: n.0.(Cr) =+ 1l MnO4”: n.0.(Mn) =+ VII
Ag*:n.o.(Ag)=+1 Na: n.o.(Na) =0
SO4%:n.0.(S) =+ VI [Fe (CN)6]® : n.o.(Fe) = + I

PO :n.o.(P)=+V

Exercise 4:

Balance the following redox reactions by writing in each case the two redox half reactions

and indicate the acid-base couple.

I© + C.0% — Cr** + | (in acidic medium)
NO, + Al 5 NHs + AIO;- (in basic medium)
Cr,07% + CoHeO ———» Cr¥* + C;H40 (in acidic medium)
Answer:
I + CrO?” — Cr¥* + Iz (in acidic medium)

Cr,07 + 14H" + 6e- — 2Cr** + 7H0

@I ——— L+ 2°) x3

61" + CrO#% + 14H* > 2Cr¥* + 312 +7H20

ﬂ
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NO3s- + Al ——» NHz + AIO2- (in basic medium)

(NOs~ + 6H,0+ 88~ —— NHs + 9OH) x3
(Al + 40H —___,  AlO;" + 2H0 +3e) x8

3NOs  + 8Al + 50H + 2H:O——» 3NHs + 8AIOz2-

Cr207* + C2HeO ——> Cr®* + C2H402 (in acidic medium)

(Cr07% + 14H* +66—» 2 Cr¥* + TH0)x2

(C2HeO + HO—> CoHsO2 + 4H" + 4e” ) x3

2Cr207% + 3C2HeO + 16HT _—  4Cr3 + 3C2H402 + 11H20

Exercise 5:

Balance the following redox reactions by writing in each case the two redox half reactions.

1. MnOs + SOZ%& —» Mn?* + S,08> (in acidic medium)
2. Crlz + Cl, ——» Cr0Os* +104s + CI (in basic medium)

3. MnOs@y + Fe?"___, Mn? ) + Fe** (inacidic medium)
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Answer:

Balance the redox reactions
MnOs + SO — 5 Mn?" + S:08* (in acidic medium)

The two redox couples Oxi/Red: and Ox2/Red; are:
MnOs/Mn?*  and S208%/S0O4*

(MnOs + 8H' + 56 —————» Mn?** + 4H,0) x2

(2S04 ——» $08" + 2¢7) x5

2 MnOs + 10SO4 + 16H ———» 2 Mn?"+55,08> + 8 H20

Crlzs + Cla——» CrO4 +104 + CI (in basic medium)

The two redox couples Oxi/Red: and Ox2/Red; are:
Clo/CI- and CrO4%/Cr3*

Ch +2 ____ . 2Cl)x27

(Crl3 +320H ——» CrOs* +310s +16 H,0+27¢ ) x 2

2Crls + 27Clo +640OH ———  » 2CrO42 + 6104 + 54Cl + 32 H20

MnOs (aq) + Fe?* ___ , Mn? (aq) + Fe®** (inacidic medium)

The two redox couples Oxi/Red: and Ox2/Red; are:
MnOs/Mn?* and Fe3*/Fe?*

MnOs +8H' +5e — JMn** + 4H,0

(Fe?* ___ , Fe3" + 1le) x5

MnOs + 8HY + 5S5Fe?2* — » Mn** + 4HO + 5Fed3*

B




Chapter 4 lonic Solutions

Acids and Bases



Chapter 4 lonic Solutions: Acids and Bases

4.1. Generalities

There are three primary theories that definite the chemistry of acids and bases:
Arrhenius theory (1887), Lewis theory (1923) and Bronsted-Lowry theory (1923).

4.1.1. Arrhenius theory

# An acid according to Arrhenius is a hydrogen-containing compound which, in

aqueous solution, releases one or more protons (H™) or (H3O").

HCI Hg—[:ll- H+ (aq) + CI- (aq)
HS0, ™25 2 H* g + SO
(ag) 4" (aq)
HPOs 5% 3H* oy + POS (g

# A base is a hydroxide compound which releases OH™ ions on dissociation in water.

NaOH ™%  Na*@g + OH @y

Ca©OH), ™5  Ca?* oy +20OH @

Arrhenius’ definition of acids and bases has two key limitations: first, because acids
and bases were defined in terms of ions obtained from water, the Arrhenius definition

applied only to molecules in aqueous solution. Second, and more important, the Arrhenius

definition predicted that only materials that dissolve in water to give H"and OH ions can
have the properties of acids and bases. But there are many examples where this is not true,
such as NHs. We need to go beyond Arrhenius to understand some acids and bases. In

1923, the Brgnsted-Lowry theory is thus proposed.

4.1.2. Lewis theory

Lewis proposed a theory of acids and bases based on electron exchanges. He put
forward a new theory that substances that do not contain hydrogen can also be classified as

acids or bases.

ﬂ
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+ An acid according to Lewis is a substance capable of accepting one or more
electronic doublets. Acids must have empty molecular orbitals where electrons can
be lodged.

Example:
Ag', Fe?*, AI** cations and molecules whose central atom has not completed
the byte (BFs, AICls)

H*1s° O OA empty, so H* is an acid according to Lewis.

IFI
I _
B—F
=

|=

BFs B has 1empty OA

+ A base is a substance capable of giving one or more electron doublets.

Example:

OH-, CI, S* anions and molecules with free electron doublets (NHs, OH")
H—N—H
2 N has 1 free doublet

O has 3 free doublets

The bases must have unshared electron doublets that can be yielded to form a dative

covalent bond. The formation of this bond is then called neutralization.

4.1.3. Brgnsted-Lowry theory

Among the different theories of acids and bases, the theory proposed by Johannes
Brgnsted and Thomas Lowry in 1923 is still the most widely used today.

4.1.3.1. Definition of an acid

An acid is a chemical species, ion or molecule, capable of releasing (yielding) a
proton (H™). Acids are described as proton donors.
An acid HA — A +H'

ﬂ
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Examples:
HCI, H2S04, HSO47, H3O", HNO3, CH3COOH and H20 are acids in the sense
that they can yield a proton.
CH3COOH =—= H' + CH3COO"

HCI — H" + CI
H.SOs — H* + HSO4
HSOs == H' + SO/

4.1.3.2. Definition of a base
A base is a chemical species, ion or molecule, capable of accepting (fixing) a

proton (H). Bases are also called proton acceptors.

A base B+H" =—= BH"
Examples:

CHCOO™, NHs, CO3* and H0 are bases because they can capture a proton.

NH; + H*
COs2 + H*

NH4*
HCO3™

[N

It should be noted that compounds such as KOH, NaOH, ... in water dissociate giving OH"

ions which are bases since they can fix a proton:

OH + H* =— H20
All of the two species associated in the same equilibrium constitute an acid/base pair. The

acid and the base of the same couple are said to be conjugate.

Acid —= Base + H*
4.2. Conjugated Acid-base couples
acid + base == Conjugate Base + Conjugate Acid

The conjugate base of an acid is referred to as the molecule that remains after releasing a
proton. The conjugate acid of a base is the molecule that attached the proton (the proton

attached to this base molecule).

ﬂ
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Example 1:
HCOOH @) + H20p == HCOO@) + HsO')

acid base Conjugate base Conjugate acid

The acid-base couple is written: Acid/its conjugate base
Example 2:

HCOOH/ HCOO °, NH4"/NH3 H2SO4/HSO4

Let us take the following example:
HA = A + H' (1)
B + HY == BH' )

In the reaction (1), the direct direction HA is an acid. If we consider the reverse opposite

direction, A™ fixes a proton it is the conjugate base of HA

In reaction (2), the direct direction B is a base. If we consider the reverse opposite
direction, BH" is the conjugate acid of B. We consider the acid/base couples HA/ A~ and
BH*/B.

In any acid-base reaction, two conjugated acid-base couples are involved.
Example 3:

NHs + HoO == NH4" + OH" the two couples are: NH4*/ NH3
and HxO0/OH"

CH3COOH + H20 == CH3COO™ + H30* the two couples are: CH3COOH/CH3COO™
and HzO*/H.0

4.3. Acid-base reactions

In aqueous solution, H* protons do not exist in the free state. Their release by an
acid can therefore only take place in the presence of a base capable of capturing it.

An acid-base reaction in water always involves the HA acid of one couple and the
B base of another couple. It can therefore be interpreted as the sum of two acid-base half
reactions:

ﬂ
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HA = A + H'

B + H = BH" } HA+B = A~ + BH'
HCI — H' +CI°

NHs + H* == NH.' } HCl + NHz == NH;* + CI-

4.4. Ampholytic or amphoteric compounds

Some species may behave both as acids and as bases depending on the nature of the
partner with whom it reacts. Species with this character are said to be amphoteric, such as
HCOs™, H20, HS, etc.

Example:
Water acts like an acid in the presence of a base and acts like a base in the presence
of an acid.
+ water behaves like an acid
B + H O == BH" + OH
The two couples involved are: HO / OH" and BH*/ B.

<+ water behaves like a base
HA + HO == A + HO*

Two couples involved are: HzO*/H,O and HA/A™.

The HS ion behaves like an acid and like a base.

Couple (1): H2S/HS™ HS" is a base

HS™ + HO" —= H.S + H0
Base 1 Acid 2 Acid 1 Base 2

Couple (2): HS/S*™ HS™ is an acid

HS + H.0O == H0"* + S
Acid 1 Base 2 Acid 2 Base 1

Note:

Polyacids are also amphoteric substances. 53
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4.5. Solution properties
A solution is a homogeneous mixture. There are two types of electrolytes

4.5.1. Strong electrolytes

These are compounds that completely dissociate in the solvent: the reaction is total.
They are strong acids and bases. The acidity and basicity constants are high.

Example: HCI, HCIO4, NaOH, HNO:s.

HCI + H,O —> CI" + H30"
t=0 Ca Excess 0 0
t=tfinal 0 Ca Ca

At the end of the reaction, we have only H3O" and CI™ but no HCI.
4.5.2. Low electrolytes

These are compounds that partially ionized in the solvent: the reaction is partial.
These are weak acids and bases. The acidity and basicity constants are low. The

dissociation equilibrium is clearly in favour of the opposite reaction.
Example: CH3COOH, NH3, C;HsCOOH

CH3COOH + H20 —— CHsCOO- + Hs30*
t=0 Ca Excess 0 0

t = tfinal Ca- X X X

At the end of the reaction, the solution contains H3O*, CHsCOO™ ions and

CH3COOH molecules which are not dissociated.

If an acid is very strong, it easily releases a proton. Its conjugate base will then be

very weak. In an acid-base pair, if the acid is strong, the base is weak and vice versa.

ﬂ
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4.6. Study of equilibrium in solution

4.6.1. lonic product of water (Autoprotolysis constant)

Pure water contains H3O" ions and OH™ ions formed by the reaction, called

autoprotolysis of water, of equation:
H2Op + H:0pp == OH@y) + HiO%

« - LoH7] [H307]

PR T “ " [H0][H,0]
e [ ]
B0 Hy®

We have: [H;0]He§ = 1099

- 555M =~ [H,0],

q
It can be considered that water is very weakly dissociated

[HsO'] [HO] = K., [H,0]?

- iy

Kw =101

Kw =[H3:O*ITOH1=10"%* at 25°C

/ Note: Ky, takes the name of ionic product of water; it depends on the temperatuh
according to Van't Hoff's law:

d AH

— (InKy) = —

ar [MKw) = B
The electrical neutrality of pure water implies that [H3O*] = [OH]

At 25°C pH = 7 [H30*] = [HO] = 10~ mol/L

Qhe quantity pK is associated with the ionic product Ky by the formula: pKw = - log Ku

4.6.2. Acidity constant of an acid-base couple

The acidity constant is a numerical measure of the strength of the acid, i.e. its
reactivity with the molecules of the solvent. An acid is all the stronger when its acidity

constant is high.
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Consider an HA acid. The dissociation equilibrium is written:
HA@ + H0p == A @) + H3iO'w

The concentration equilibrium constant is:
[A7] x[H507]

K¢ = THATXH,0]
- +
The acidity constant is written: K, = K:x[H,0] = %
A~] [H;0%
K, _ A7) 150"
[HA]

Ka called acidity constant (also known as an acid dissociation constant, or acid-ionization

constant) characterizes the dissociation of acid HA in a solution.

Example:
CH3COOH@Eq + H200 == CH3COO () + H30% g

_ [CH3C007] x[H30%]
a - [CH3COOH]

4.6.3. Basicity constant of an acid-base couple

The strength of a base can be measured by its basicity constant Ky. A base is said to
be strong in a given solvent, if the corresponding acid-base reaction is total, it is said to be
weak otherwise.

Let's also consider a base B in water

The ionization reaction is written:
Bay + H20q) ==  BH%G) + OH ()

[BH*]x [OHT]

The equilibrium constant is written: K [B]x [H,0]
2

[BH*] x [OH]
[B]

= Kb = KCX[H20] =

ﬂ
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The solution being very dilute (water in very large excess),
[H,0] = 55.5M
So: Ky = Kc x55.5

Kb like Kc only depend on the temperature

OH™]| [BH*
K, — [OH™] [BH"]
[B]
Example:
NHs; + H20 — NH4+ + OH™
+ -
The basicity constant is written: K, = [NH, "] x [OHT]

[NH3]

The strength of an acid or base is measured by the tendency to yield or fix a proton.
The higher the acidity constant of an acid, the more it is dissociated. Similarly for a base,

the greater its basicity constant, the greater its strength.
4.6.4. Relationship between K, and Ky

For a couple (HA/A")

+
Acid + H:0 — base + HiO* K, [basegaii[gsol

The conjugate base A" of HA acid can react with water according to the reaction:

Base + H20 —_ acid + OH K, [acid] x [OH]
[base]
Since there is a relationship between [H30"] and [OH] (Kw= [H30*]x[OHT),

[acid] x [OH™] [acid] K,

Ky = [base] "~ [base] X [H;0%]

K, [base] x [H307]

K, [acid] = Ka

Ka X Kb = [HsO*][OH] = Kw = 10%*  at 25°C

ﬂ



Chapter 4 lonic Solutions: Acids and Bases

Thus if we know either Ka for an acid or Kb for its conjugate base, we can
calculate the other equilibrium constant for any conjugate acid base pair.
We can use negative logarithms to avoid exponential notation in writing acid

and base ionization constants, by defining pKa as follows:

pKa = -l0g10 Ka, pKb = -logio Kb
The stronger the acid, the higher the Kz value and the lower the pKa value.
The same is true for K.

KaX Ky = Ky = - |Oglo Ka -|Oglo Ky =- |Oglo Kw

At 25°C

pKa + pKp= pKw = 14

(Note: \

The smaller values of pKa, the stronger the acid of a couple and the weaker the

conjugate base

The higher values of the pKa, the stronger the base of a couple and the weaker the

_/

conjugate acid

The pKa of the two acid-base couple of water (HzO*/H.0) and (H.O/HO") can be defined.

4+ The first couple corresponds to the equilibrium:
Acid-base couple (H3O*/H20):  H3O0" + HO == H,O + H30O"

[H30%]

Ka = ot - 1 — pKa=0

4+ The second acid-base couple corresponds to the equilibrium:
Acid-base couple (H20/HO ): HO + H,O == OH + H30"
Ka=[HO] x [H30*] =10y~ pKa=14
Since H3O™" is the strongest acid in water, and OH™ is the strongest base, both pairs of
water limit the pKa scale, for acid-base couple in water, except strong acids and strong

bases.
0< pKa <14 At 25 °C
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4.7. Leveling effect

The dissociation reaction of a strong acid is complete; that is, this acid no longer
exists in the solution; it has been completely replaced by an equal amount of H3O".
Therefore, acids stronger than HzO" cannot be differentiated in water.

It is said that there is a "Leveling™ of their forces to that of H3O*. The H3O" ion is

the strongest acid that can exist in water.

The dissociation reaction of a strong acid is total; that is, this acid no longer exists
in the solution; it has been totally replaced by an equal amount in moles of HsO™,

Therefore, acids stronger than H3O" cannot be differentiated in water. It is said that
there is a "Leveling" of their forces to that of H3zO*. The hydronium ion HzO" is the

strongest acid that can exist in water.

Similarly, the hydroxide ion OH" is the strongest base that can exist in water. If

there are stronger bases, their strengths will be levelled at the level of that of OH".

In order to be able to classify strong acids, it is necessary to use a less basic solvent
than water, i.e. a solvent where these acids are partially dissociated. Similarly, to be able to

classify strong bases, a less acidic solvent than water must be used.

Example:
HCI + CH3COOH ==  CHs;COOH;"* + CI”
A1 B- Az B2

The solvent is acetic acid.

Each solvent has an acidity scale. The acidity scale regarding water is the most used
because aqueous solutions are the most widespread.

In a solvent comprising liquid NHs, the acids are levelled at NHs™ and the bases are
levelled at NH.".

NHs; + NHs3 —— NH4st + NHy

ﬂ
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The reference couples are: NH4*/ NHz and NHz/ NH2”

NHs (liquid) being more basic than water, in this solvent the HCI and CH3COOH acids
will have the same strength.

In the acidity scale regarding water, the reference couples are HsO*/H0 and H,O/OH".
4.8. Relationship between pKa and acid strength

Stronger acids (pKa < 0), do not differentiate in water. Similarly, bases stronger than OH"

(pKa > 14) do not differentiate in water.
For weak acids and bases, 0 < pKa < 14. To classify them, we use a scale of pKa.

The value of Ka (therefore pKa) characterizes the ability of the acid and its conjugate base
to react with water: Therefore, we can classify the acid-base couples using the diagram

below.

Scales have been established for several solvents. Water is the most used. In this
scale, the (HsO*/H20) and (H20/OH") couples were taken as reference.

Example:

pKa (HCOOH/HCOO ) =3.8 pKa (CHsCOOH/CHsCOO™) = 4.75
pKa (NHs"/NH3) = 9.25

strong acids strong bases
very weak bases weak acids / weak bases very weak acids
| 1 | | 1 | >
0 3.8 4.75 9.25 14 pKa
—— )
Increasing strength of acids Increasing strength of bases

Strong acids refer to acids that are almost completely ionized in aqueous solution(pKa< 0),
Medium acids are those with a pKa between 0O and 4 (0 < pKa < 4),

Medium weak acids have a pKa between 4 and 7 (4 < pKa <7),

Weak acids have a pKa greater than 7 (pKa > 7).

ﬂ
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The larger the acidity constant K, of a couple HA/A", the smaller the pKa and the more the

acid is dissociated in water.

4.9.Relationship between pH and pKa of couple (predominance diagram)

The pH of a solution containing a weak acid HA and its conjugate base A" is related
to the pKa of the HA/A™ pair by the relationship:

K, = _[A_][XI-EEOJF] [H.0°] = [A[Il),(b\ I]<a
pKa = - log Ka, pH = - log [H30"]

This relationship derives from the definition of the acidity constant K, and the properties of

log :

pH =pKa + log %

- if [A7] = [AH], the logarithm becomes zero, and therefore pH = pKa: acidic and basic
species have the same concentration in solution.

- if [A7] < [AH], the logarithm is a negative number, more HA means more acid, and
thus a lower pH. therefore pH < pKa: the acid species predominates.

- if [A7] > [AH], the solution goes more basic because the logarithm now is greater than
zero, therefore pH > pKa: the basic species predominates.

This can be summarized in a predominance diagram:

[HA] (aq)= A | (aq)

[HA] (aq)> [A7] (aq) [A

(aq) > [HA] (aq)
] ——

pH

pKa =pH

ﬂ
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4.10. Displacement of acid-base balances

We can use the relative strengths of acids and bases to predict the direction of an
acid-base reaction by following a single rule: an acid-base equilibrium always favors the
side with the weaker acid and base, as indicated by these arrows:

Stronger acid + Stronger base — > \Weaker acid + Weaker base

Consider the balance:
1
HA + H20 == H:O* + A
2
HA is a strong acid. The dissociation equilibrium will be moved in direction 1

Since HA acid is strongly dissociated, its conjugate base is a weak base.
Example:

Hydrochloric acid is a strong acid that ionizes essentially completely in dilute
aqueous solution to produce HzO* and CI7; only negligible amounts of HCI molecules
remain undissociated. Hence the ionization equilibrium lies virtually all the way to the

right, as represented by a single arrow:

HCI + H2:0 _— H:O* + CI

In contrast, acetic acid is a weak acid, and water is a weak base. Consequently,
aqueous solutions of acetic acid contain mostly acetic acid molecules in equilibrium with a
small concentration of H3O* and acetate ions, and the ionization equilibrium lies far to the
left, as represented by these arrows:

1

CH:COOH + H20 ~=— CHsCOO" + HsO*

2
Since the ionization constant Ka of H3O" is stronger than that of CH3COOH, the acid

CH3COOH is weaker than the acid H3O" and the base CH3sCOO" is stronger than H-O.

ﬂ
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Note:

The acid-base equilibrium moves in the direction of weaker acid and

weaker base formation (direction 2).

Similarly, in the reaction of ammonia with water, the hydroxide ion is a
strong base, and ammonia is a weak base, whereas the ammonium ion is a stronger acid

than water. Hence this equilibrium also lies to the left:

NHs + H.O == NHs + OH"
Example:

The addition of a common ion to the equilibrium causes a retreat of ionization.
1

HA + H20 — H3O* + A
2
The addition of H3O" ions or A" ions to the solution in equilibrium causes the reaction to

move in direction 2 (LE CHATELIER's law).

4.11. Degree of dissociation a

An electrolyte is a chemical compound which, in the molten or dissolved state, can
undergo electrolysis, that is, which decomposes by the passage of an electric current. The

decomposition of a molecule into two or more pieces can be done in two ways.

+ lonization: If the products obtained are ions.

Example:

NaCl —= Na*+CI”

4+ Dissociation: If the products obtained are neutral.

Example:
2 NHs == N2+3H2

ﬂ
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Such reactions often result in equilibrium; dissociation or ionization are rarely
complete. The noted ionization (or dissociation) degree gives o us a measure of the

displacement of this equilibrium. It represents the number of moles of ionized acid or base.

It is defined as follows:

amount of substance of the reactant dissociated

~ amount of substance of the reactant present initially

The degree of ionization is between 0 and 1.

a = 0: means that there is no ionization,
a = 1: means that the ionization is complete (strong electrolytes),

0 < o < 1: means ionization is partial (weak electrolytes).

The dissociation of a weak acid HA can therefore be written:

HA + HO — A + H3O0*
tinitial Co 0

After dissociation Co—a Co o Co a Co

S i [H307]
Co Co

[A7] [H30%] _ a?Cy

Kq = HA] | (-a)

Within the framework of the approximations valid for weak acids slightly
dissociated at the usual concentrations, we can write

a<<1 and Ka=Coa?

These relationships express Ostwald's dilution law; they are not valid for strong
electrolytes. They show that for a given weak acid (or weak base), if the initial
concentration decreases, the more it will tend to dissociate (increase in the ionization
coefficienta), since Ka is a constant quantity at a given temperature.

This means that the percentage of ionized acid (or base) increases as the initial acid

concentration decreases.
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4.12. Exercises
Exercise 1:

Which of the following species are acid-base pairs? In these couples, what is the
acid and what is the base?
H2S, OH", H20, CHs, AlHs, NHs, CHs, O%, AlHs, NH2, NaH, HsO*, NH4*, Na*, CI,
NaOH, HS", HBr, S?, CHs", CHq
Answer:

If the acid is electrically neutral, the conjugate base is an anion.

HA+H0O == A +H30"

Example 1: HCOOH =—= HCOO +H*

The acid can be a cation, the conjugate base is then a neutral molecule.

Example 2: CHsNHs* == CHsNH, +H*

The acid is an anion; the base is then an anion carrying a greater charge (in absolute value).

Example 3 :
HS == S*+H*

The acid-base pairs are:

NH4*/ NHs NHa/NHy
CH4/CHz H30*/H.0
H2S/HS HS/ s*
H20 /OH" OH/0*

The species AlH3, AlH4, NaH and Na*as well as CHs"and CH, are not acid-base pairs
because the transition from one to the other involves an H™ hydride ion and not an H*

proton.

Exercise 2:

1. Find the conjugate bases of the following acids:
H30 *, HCIO4, HNO3, HNO2, HCOOH, CsHsCOOH
2. Find the conjugate acids of the following bases:

OH-, CI, HS, NHjs, CsHsN ﬂ
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3. Do the following species constitute acid-base pairs?
NaHCOs/ HCOg', LiH / Li*, CHsNH2/ CH3NHs" , SH/ S*, NHa/ NoHs, HNO3/NO3 -

Answer:

1. Conjugated bases are of the following acids are:

HsO * / H20
HCIO4 / CIO4
HNO3z / NO3
HNO2 / NO2
HCOOH / HCOO
CsHsCOOH / CsHsCOO

2. Conjugated acids of the following bases are:

H.O / OH"
HCI/ CI
CsHsN™ / CsHsN
H.S / HS
NH4" / NH3

4. The acid/base pairs are:
CH3NHs* / CH3sNH; ; SH/S* and HNO3/NOs"

Exercise 3:

1. Indicate the equations of the reactions of the acids below with the H>O base:

a) Hi b) CH:COOH c) HF d) HNO:

2. Indicate the equations of the reactions of the bases below with H,O acid:
a) HSO4~ b) PH> c)Cl- d) CHsNH> e) H
Answer:

1. The reactions of the acids with the H20 base are:

a) HI + H>O == HO" + I
b) CHsCOOH + H.O —= H30" +CH3:COO
¢C)HF + H.O — H:O" + F

d) HNO, + H,0 == H3O" +NO; ﬂ
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3. The reactions of the bases with H20 acid are:

a) HSOs~ + H20 ==  OH + H3S04
b)PHz + H:O == OH + PHs

c) F+ HO == OH + HF

d) CHsNH2, +H,O0 == OH + CHsNHs"
e) H + H.0 = OH + H:

Exercise 4:

Predict whether the equilibrium for each reaction lies to the left or the right as written.
1. NHs*@g)+ PO# @) = NHs@g) + HPO# ()

2. CZHSCOOH(aq)+CN7(aq) = C2H5C007 (aq) + HCN(aq)

Answer:

» ldentify the conjugate acid-base pairs in each reaction.
» Determine which the stronger acid is and base.
» Equilibrium always favors the formation of the weaker acid-base pair.

1. The conjugate acid-base pairs are NH4*/ NH3 and HPO4*> / PO4*".

NH,* is a stronger acid (pKa = 9.25) than HPO4 2 (pKa = 12.32),
and PO, 2 is a stronger base (pK»=1.68) than NH3 (pKp = 4.75).

The equilibrium will therefore lie to the right, favoring the formation of the weaker acid-
base pair:
NHs*@q) + PO43_(aq) >  NHz@g + HPO42_(aq)

Stronger acid  Stronger base Weaker base Weaker acid

2. The conjugate acid-base pairs are C2HsCOOH / C2HsCOO™ and HCN/CN™

HCN is a weak acid (pKa = 9.3) and CN™ is a moderately weak base (pK» = 4.7). Propionic
acid (C2HsCOOH is not listed in Table, however. In a situation like this, the best approach

is to look for a similar compound whose acid-base properties are listed.

ﬂ
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For example, propionic acid and acetic acid are identical except for the groups attached to
the carbon atom of the carboxylic acid (—CH2CHz3 versus —CHs-CHz), so we might expect
the two compounds to have similar acid-base properties. In particular, we would expect
the pKa of propionic acid to be similar in magnitude to the pKa of acetic acid. (In fact,
the pKa of propionic acid is 4.87, compared to 4.76 for acetic acid, which makes propionic

acid a slightly weaker acid than acetic acid.)

Thus propionic acid should be a significantly stronger acid than HCN. Because the
stronger acid forms the weaker conjugate base, we predict that cyanide will be a
stronger base than propionate. The equilibrium will therefore lie to the right, favoring the

formation of the weaker acid-base pair:

C2HsCOOH@g) + CN7@g = C2Hs5COO™ (ag) + HCNag)

Stronger acid Stronger base Weaker base Weaker acid

W
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Chapter 5 pH of Aqueuses Solutions

5.1 . Definition

In various industries and medical practices, the ability to assess the acidity of
solutions is crucial. This assessment is typically based on the molar concentration of HzO"
ions.

For this purpose, a mathematical operator was introduced, corresponding to p = -log
(decimal logarithm) of the HsO" ion concentration (pH = H™ ion potential), explained by
the relationship:

pH = - log; [H30]

The H3O" ion concentration is expressed in mol.L™.
It can also be written: [H;0*] = 10" P"

By analogy with pH, we can define p OH:

p OH = - log,o [OH]

The smaller the pH, the more acidic the solution.
The smaller the p OH, the more basic the solution.
The higher the concentration of H3O" ions, the lower the pH of the solution and vice versa.

The higher the pH of a solution, the more basic it becomes

5.2. pH scale in water

In pure water, at 25°C, [H;0 ] =[OH ]= 10" mol.I" = pH=-log107=7
In an acid solution, [H30'] > [OH ] < [H;0'] > 10" mol.I" = pH<7

In a basic solution, [H:O ] < [OH ] < [H;0 1< 10" moll’ = pH >7

Acidic Neutral Alkaline

)
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Examples:

Acid Neutral Basic

Gastric juices (pH ~2) Pure water (pH = 7 to 25 °C) Soap (pH ~8)
Vinegar (pH ~4) Blood (pH ~7.4) Bleach(11.5 <pH<12.5)

Lemon juice (pH ~2)

Similarly, from the autoprotolysis constant of water, it is possible to write:

Kw = [H30"] x [OH ] & - log K = (- log [H30"]) + (- log [OH )

pH+ pOH = 14

The pH of a solution is usually measured either by a pH meter, which is a battery
where the electromotive force measured is related to the concentration of H;O" ions, or
using colored indicators or pH paper that give a quick, economical, but inaccurate
indication of the acidity of a solution.

Example:

a) Calculate the pH of a 4 x10™ M NaOH solution

Sodium hydroxide is a strong base: it is completely dissociated in solution.

NaOH — Na* + OH~
[OH]=4x10"M
pOH = - log (4 x10™) = 3.39
pH = 14 - pOH = 14 - 3.39 = 10.61.

b) 200 mL of a solution containing 0.01 moles of HCI is prepared. Calculate its pH.

[HCI] = [H30"]=n/V =0.01/0.2= 0.05 M
pH = - log [H']= - log 0.05 = 1.30.

ﬂ
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5.3. Determination of the pH of solutions

For the calculation of the pH of acidic or basic solutions, it is important to lay down
several equations and make approximations. These equations have special names. These

are:

e The law of mass action, corresponding to the expression of the equilibrium constant: K
¢ lonic product of water e or autoprotolysis of water: K,

e Electro-neutrality: in this equation, we write that the sum of the concentrations of the
positively charged species is equal to the sum of the concentrations of the negatively
charged species.

e The conservation of mass (mass balance): in this equation, it is written that the initial
concentration of a compound is equal to the sum of the concentrations of this compound

and its conjugate, formed during the reaction considered.
5.3.1. pH of acids solutions

4+ Dissociation of acid in water (law of mass action)

Let C, be the initial concentration of an HA acid:
HA + H,0 — A +H;0"

+

The species present in the solution are HA, A’, H,O, OH and H3O

[A7] [H307]

Ka =""THa]

The acidity constant

+ Partial water dissociation equilibrium

H,O + H,0O == H;0" + OH
Ky = [OH] [Hs0']= 10
4+ The electroneutrality equation, applied to the solution:
[Hs0'] = [OHT] + [A]

ﬂ
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+ Conservation of the mass:
C.=[A]+[AH]

To calculate the pH of the solution, many approximations are made, leading to
simplifications that must be justified according to the case studied.
1st approximation: The [OH" ions] produced by the dissociation of water can be neglected
in front of those coming from the dissociation of acid.
2nd approximation: The acid is little dissociated to be able to neglect [A’] in front of
[HA].

Sample
Weak acid: [H3;0'] = [A] + [OH]
Weak base: [BH'] + [H30"] = [OH]
Make valid approximations in a not too diluted medium (C > 10°N)
- In an acidic medium not too diluted: [OH] << [H30"]
- In basic medium not too diluted: [H30"] << [OH]
- For weak electrolytes, not too dilute (o <10°) the concentration of ions in solution

is negligible compared to that of non-ionized species.

The conservation of mass equation becomes: C,=[AH] ([A] <<< [AH]).

5.3.1.1. Calculation of pH: Strong acid

Strong acids (HNOs, HCIO,4, HBr, HCI, HI) have a pKa of less than 0 and react so totally

(quantitatively) with water to give H3O".
> Consider a strong acid solution that is not too dilute (C, >10° N)
Let C, be the initial concentration of a strong acid HA:
HA+H,O0 —» A +H;0"

As a result, the concentration of H;O" ions from the dissociation of water can be neglected
compared to that from the dissociation of acid.
Similarly, the concentration of OH" ions from water is neglected compared to that of the

conjugate base.
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Electrical neutrality: [H30"] = [A]
Mass balance: C, =[AH] + [A] = [A]
The acid is fully dissociated: [A-] >>> [AH] so [H3:0'] = C,

Hence pH =-log C,

Example: Calculate the pH of the following solution: 0.01 M hydrochloric acid (HCI)
(pKa = -3.7).

Answer :
HCl is a dissociated strong acid so
pH=-1log C; =—1og 0.01=2

> Consider a highly dilute strong acid solution (C, < 10°N)

In the case of a very dilute strong acid solution, the concentration of OH" ions is no

longer negligible compared to that of H30" ions.

lonic product of water: K, = [OH] [H30"] = 10™ 1)
Mass balance: C, = [AT] ([AH] =0, totally dissociated acid) (2)
Electrical neutrality: [A] + [OH] = [H30] (3)

These three equations must be combined to determine the HzO" ion concentration.

From (1) ) [OH] =[H:<2+] (4)
From (2) and (3) === [H;0"] =C,+ [OH] (5)

by replacing (4) in (5), we obtain

.. Cat [C 2 +4K,
[HiO'] =————

2

pH = logy, 2- log ( C, + /Caz + 4K,,)

ﬂ
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5.3.1.2. Calculation of pH: Weak acid and little dissociated

In a solution of a weak acid HA ([A ] << [HA])
* Two equilibria coexist:
HA+H,0O == A + H;O'
2H,0 == H0" + OH

* The species present are HA, A, H;0", OH" and H,0

* There are relationships between their concentrations:

* mass action law: Ka = [A][H30"]/ [HA] and K, = [H30"] [OH]
* Electrical neutrality: [H30'] =[A] + [OH ]

* Conservation of mass: C, = [HA] + [A']

If the weak acid is little dissociated ([A] << [HA] 2™ approximation) the relationship of
the conservation of matter becomes C, = [HA], and as [Hz0*] = [A] (1* approximation),

the acidity constant gives:
Ka= [H3O+]2/ Ca,

we deduce [H:0'1= JK,C,

pH =% (pKa-log C,)

Example:
Calculate the pH of the following solution: 0.15 M formic acid (HCOOH) (pKa = 3.8).

Answer :
HCOOH is a weak acid so:

pH =% (pKa—-log C;) =% pKa- %109 0.15=1.9+0.41=2.3

ﬂ
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5.3.1.3. Calculation of pH: a mixture of two acids

a) A mixture of two strong acids, HA; and HA,
In an aqueous solution, the strong acids are completely dissociated:

HA; + H,O — Al_ + H3O+
HA, + HLO — Az_ + H30Jr
2H,0 = H;0" + OH

Either a mixture of two acids, HA; of concentration C; and HA, of concentration C,.
[H:O']=[A: ]+ [A; ]+ [OH]
1st approximation [OH] << [H30"] => [H30"] =C1+C,

pPH =-log (C; + Cy)

Note:
If C;>C, ==> pH=-logC;

C,>Cy ==> pH =- Iog C,

b) A mixture of strong acid HA; and weak acid HA,

HA1+H20 s Al_ + H?,O+
HA, +H,O0O == A, + H;0"

The presence of H3O" ions from the total dissociation of the strong acid
downgrades the dissociation balance of the weak acid, making the amount of HzO" from
the weak acid (HA; >> A, ) even more negligible.

The pH of the mixture is then imposed by the strong acid hence: [Hs0"] = C;

pH =-log C;

)
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c) A mixture of two weak acids, HA; and HA,

HA; + H,O

|

Al- + H3O+

HA, + H,O

|

Az- + H30+

2H,0 — H30Jr + OH

C1=[HA] + [Ad] Cz =[HAZ] + [A]

[H30"] = [Ar] + [A2] + [OH]

- w K. = A, Jx[H;07]
" [HA, ] a2 [HA, ]

Approximations:
[OH] <<< [H307] [HA1] = C; and [HAZ] = C;
[Al-] = Ka; C1/ [H30+] [Az_] = Kay Cz/ [H30+]

[H30"] 2 = Ka;C; + KayCy

pH =-1 IOg (Kalcl + KaZCZ)

Note:
If Ka >KaandCi=C,=C pH =" pKa; —%log C

Ka; = Ka,and Cy>>C, pH =% pKa - % log C;

Example:

Calculate the pH of the solutions obtained by mixing equal volumes of the
following 0.2 M solutions: CH3COOH + HCOOH; HCI + HCIO,.
(HCIO,4: pKa = - 9.9; HCI: pKa= - 3.7; HCOOH: pKa = 3.8; CH3COOH; pKa = 4.75)

Answer:

After mixing, the concentration of each of the compounds is equal to 0.1 M.
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» The mixture (HCOOH + CH3;COOH): these two acids are weak

[H30"] % = Ka;C1 + Ka,Co
[H30"] = \/Ka,C, + Ka,C, = 107 M pH=2.4

» The mixture (HCIl+ HCIO,): these two strong acids (pKa < 0) are dissociated in water.

The pH of the solution is calculated using the following formula.
pH =-1log (C; + C;) =-log (0.1 +0.1) =-1og 0.2 = 0.7.
5.3.2. Calculation of pH: Strong base

Strong bases have a pKa greater than 14 (NaOH, KOH) and therefore react almost

totally with water to give OH".
Let Cy, be the initial concentration of a strong base:

B+H,0 —* BH +OH

Total dissociation: [BH'] >> [B]

The expression of the conservation of matter becomes Cp= [BH']

The electrical neutrality relationship [BH'] = [OH] (1st approximation).
Ultimately [OH]= C, and pOH =-log Cy
As pH+pOH =14

pH =14 +log C,

Example:

Calculate the pH of the following solution: sodium hydroxide (NaOH) at 0.05M (pKa > 14).

Answer:
NaOH is a strong base so,

pH =14 + log C, = 14 +log 0.05 =14-1.3=12.7

ﬂ
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5.3.2.1. Calculation of pH: Weak base and little dissociated ([BH"] << [B])

Two balances coexist:
B+H,0 == BH +O0OH"

2H, 0 == H30"+OH"

The species present are B, BH*, OH™, H;0™ and H.0.
There are between their concentrations the relationships:

e mass action law: Kb = [BH'][ OH ]/ [B]

and Ky, = [H30"] x [OH]

e Electrical neutrality of the solution: [H30] + [BH™] = [OH]

e Balance mass: C, = [BH'] + [B]
If the reaction of base B in water is exceptionally low ([BH'] << [B] 2nd approximation)
Cp = [B] and as [OH] = [BH] (1% approximation),
The basicity constant gives:

Ky = [OHT]% Cp

hence [OH ] = (Ky-Cp) Y2
Thus pOH =% (pKy — log Cp).

Hence the relationship

pH = 7+ % pK, + % log Cy,

Example:
Calculate the pH of the following solution: 0.2 M ammonia (NH3) (pK, > 9.25).
Answer:
NHs is a weak base so
pH =7+ % pK, + % log Cp, =7 + 4.625 - 0.35 = 11.275

ﬂ
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5.3.2.2. Calculation of pH: Mixture of two bases

The reasoning for calculating the pH of base mixtures will be identical to that

adopted in the case of acid mixtures:
a) A mixture of two strong bases B; and B,

Bi+HO —» BlH+ + OH"
B,+H,O — BzH+ + OH"

Either a mixture of two bases B1 of concentration C; and B, of concentration C,.
The approximation
[H30"] << [OH]

=> [OH] =C;+C;

The equation is established by replacing pH with pOH
=>pH + pOH = pK,~= 14
pOH = -log (C1 + Cy)
pH =14 +log (C; + Cy)

Note:
If Ci >0 ==> pH =14 + |Og C,
C,>Cy ==> pH =14 + |Og C,

b) A mixture of strong base B, and weak base B,

B,+HO ——— BlHJr + OH"
B, + H,O —— BQH+ + OH

The presence of OH ions from the total dissociation of the sturdy base B;

downgrades the dissociation equilibrium of the weak base, making the amount of OH

from the weak base B, even more negligible.
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The pH of the mixture is then imposed by the strong base hence: [OH] = C;

pH =14 +log C;

c) A mixture of two weak bases, B; and B,

B; + H,O _— B;[HJr + OH
B, + H,O —_— B2H+ + OH
2 H,0 —_— HsO" + OH"

The equations are established by replacing pH with pOH and Ka with K,
pH + pOH = pK,,= 14

pKa + pK, = 14

pOH = - % log (Kp1C1 + Kp2C))

pH =14 +1 IOg (KblCl + szcz)

Note:
If Kby >>Kpand C1 = C, = C pH=7+%pKy+ % log C
Kb = Ky and Cy >> C; pH =7+ % pK, + % logC;
Example:

Calculate the pH of the solutions obtained by mixing equal volumes of the

following 0.2 M solutions: NH; and KOH; NaOH and KOH.

NH; : (pKa =9.25); KOH: (pKa > 14); NaOH: (pKa > 14).

Answer:

After mixing, the concentration of each of the compounds is equal to 0.1 M.
» NaOH + KOH: these two strong bases are dissociated in water. The pH of the solution

is calculated using the following formula.
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pH = 14 + log (Cnaon + Ckon)
=14 +log (0.1+0.1) =14 + log 0.2
pH =13.3

» NHj; + KOH: NHj3 is a weak base and KOH is a strong base. The pH of the solution is

calculated using the following formula.

pH =14 + Iog CkoH
=14 +1log 0.1
pH =13
5.3.3. lonization of polyprotic acids
Acids with more than one acidic hydrogen ionize in steps.

An ionization-constant expression may be written for each step.

The dissociation equilibria of H,A are written :

- + [HA]X [H3O+]
HAA+HO == HA +H;0 T W
2

HA — A¥ + H,0"
) [AZ'Jx [H30+]
az ™ IHA |

The methods used for calculating the pH of solutions contaning various combinations

of the species H,A, HA™, and A% from the ionization constants are summarized as follows :
a) A solution containing H,A, or H,A + HA

If Kau << Ky, the second ionisation will have very little effect and can be ignored. The

pH of thesolution is calculated from the K,; expression.
b) A solution containing HA

Here both ionizations affect the composition of the solution and must be
considered. In the second ionization, [H'] is not equal to [A®] because some H* combines
with HA™ to form H,A. Therefore,

[A*] =[H]+[AH]

ﬂ
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A? [x Hj * Az |= Kazx[HA-]
2:[ J[HL‘jO] A Cmo ]

Equating the right sides of these two equations,

Ka

K, X |HA"|

[HO'] + [AH] =
i 2 H,0"

We can replace [AzH] with a quantity obtained from the Kj,; expression:

W=

At usual concentrations, [HA'] will generally be much larger than Ka;.

[H+]2 = Kal T;ZA)\(EHA] = KalKaZ

[H:O] = Ka1 Kaz

pH — PKqa1+pKq2

c) A solution containing HA™ + A®

If K1 is 100 times or more greater than Ky, (Ka << Kjp), there will very little H A in the
solution at equilibrium, and the first ionization-constant didn’t need to be used. The pH is

very easily by using the K, expression.

Example:
Calculate the pH of a 0.15 M solution of malonic acid CH,(COOH),. The
ionization constant for malonic acid are Ka; = 1.4 x 102 and Kz, = 2.2 x 10°®.

ﬂ
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Answer:
Ka1 iIs enough larger than K, that the second ionization can be safely ignored and the pH

calculated only from the K,; expression.

Note that K, is large enough that the equilibrium concentration of malonic acid(H,A) must
be taken as 0.15- [H'].
A Jx ;0]
Ka, =
[H.A]

GRS
a 0.15—|H+|

[H30] = 1.38 X 107 e pH = 1.86

5.4. Neutralization reaction

The action of an acid on a (hydroxylated) base is a neutralization that leads to the

formation of a salt in water.

Acid + Base —— Salt + Water
H*+ClI'+Na*+ OH —  NaCl + H,0
CH3;COOH + Na* + OH® —— CH3;COONa + H,0

Neutralization is used to change the pH of a medium

HCl

5.5. Salt hydrolysis

AB salt is the product of the reaction between an HA acid and a BOH base.

HA+ H0 == +
B+ HO0 == +

Salt Water
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« Action of wateron A>° A+ H,O — HA+OH

_ [HA]x_[OH']: <

The hydrolysis constant: K, b

% Action of water on BH": BH"+ H,0 == B+ H30"

[B]x |H,0"
- B[H+| ]:K”

(oo A

Hydrolysis of salts results in a change in pH. When we introduce a salt into a

K,

solvent (water), we have:
- Destruction of the crystalline network
- Reaction between these ions and the solvent: hydrolysis

Since the AB salt is an ionic compound, in aqueous solution, it is completely

stociated into A" and B ions. J

Example:

NH,Cl + H,O ——» NH," + CI’

To determine the pH of a salt, it must be broken down into ions. When the
dissociation is done, look at which category these ions fall into (strong acid, weak, bases..).
This classification will make it possible to see on which element the acidity and therefore
the pH depends.

The pH always depends on the "strongest™ substance.

The parameters that can influence hydrolysis are the concentration and strength of
the electrolyte.

a) According to Oswald's dilution law, dissociation is even more important when the
solution is diluted. The lower the concentration of the solution, the more it is
hydrolyzed.

b) Influence of the strength of the acid or base: a salt is all the more hydrolyzed as the

acid HA (or base B) is weaker.

=)



Chapter 5 pH of Aqueuses Solutions

5.5.1. Strong acid and strong base salt

Either the KClI salt, in aqueous solution, the salt is dissociated into K* and CI" ions.

KClI H,O K @) + Cl g

[K'] and [CI] do not influence the medium. They are inert (spectator ions). pH is
determined by water. However, the pH of water is 7.
5.5.2. Strong acid and weak base salt
Example:
NH« Cl+H,O0 — 5  NHi +CI
ClI': is a neutral base
NH,": conjugate acid of weak base NH3
NH;" + H,O0——> NH3 +H30"

t

1
o

C 0 0

teq C(1-a) Ca Ca

_ [NHg]X [H30+] _ [H30+]2
8 INH," | Cs

pH= % ( pK,-log Cy)

5.5.3. Weak acid and strong base salt

Example:

Weak acid: acetic acid (CH3;COOH)
Strong base: sodium hydroxide (NaOH)
Salt: Sodium acetate (CH3COONa)

CH3COONa+H,0O — CH3;COO™ +Na" (ionization)

CH3;COO + H,0 = CH3COOH + OH"  (hydrolysis)

ﬂ
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_ [cH,cooH]x |oH"|
> |cH,co0" |

where  [CH3COOJeq = [OH ¢

CH3COO = CH3;COONa = Cs K, =

pH= 7 + % pK, + % log C,

5.5.4. Weak acid and weak base salt

Example: Weak acid: CH3COOH
Weak base: NH3
Salt: Sodium acetate (CH3COONH,)

NH,” + H)0 — NH; + H30"
CH3COONH, + H,O ——— CH3COO™ + NH, * (ionization)
CH3;COO +H,O0 — CH3COOH + OH" (hydrolysis)

NH;" + CH3COO + H,0 —— CH3COOH + NH3

_ [cH,cooH]x |oH"|
> |cH,co0" ]|

[NH, ]x [H,07]
[NH, ]

a =

[CHsCOO0 e = [NH4']

[CH3COOH] = [NH3]

K,_[Ho ] k. [Hof
K, [OH" K,  Ke

pH=7 + % pK,- %2 log pKp

The pH of a weak acid and a weak base does not depend on the concentration.
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The easiest method to remember which cations/anions relate to acidic /basic salts is:

- asalt is always the product of an acid-base neutralization reaction;

- you must first derive the parent acid and parent base of the salt in order to use this
chart;

- the cation of the salt is always from the base of the neutralization reaction, and the

anion of the salt is always from the acid of the neutralization reaction;

Then, determine whether the parent acid and parent base are strong or weak.

Example:

In an aqueous solution, NH,CI dissociates to form NH," and CI". These ions are
derived from the parent weak base (NH3) and parent strong acid (HCI), respectively. Based

on the above chart, the neutralization reaction between a weak base and strong acid yields

an acidic salt.
Exemples:
Strong Acid + Strong Base — + H20
HCI NaOH NacCl H,O
Strong Acid + Weak Base —» + H20
HCI NH_.OH NH_.CI H,O
Weak Acid + Strong Base —» + H20
CH;COOH NaOH CHsCOONa H,O
Weak Acid + Weak Base —» : + H20
CHz;COOH NH_.OH CHz;COONH, H,O

5.6. Buffer solution
5.6.1. Definition

A Buffer is a compound or mixture that, when added to a solution, helps maintain a
specific pH.

A buffer solution is made by mixing appropriate amounts of a weak acid and its salt
of strong base or a mixing of a weak base and its salt of strong acid.
Example:

CH3COOH and CHsCOO'Na" is acidic buffer because it is a mixture of weak
acid (CH3COOH) and its salt (CH3;COO Na") with strong base (NaOH).
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CH3COOH + H,0 == CHsCOO + H;0"
CHsCOO + H,0 == CH3COOH + OH" (hydrolysis)

The CH3COOH is a weak acid, CH3;COO in solution reverses its ionization.

Similarly, CH3COOH reduces the hydrolysis of CH;COO .
+ An acidic buffer solution (3-7) is composed of a weak acid and a strong base salt of
that acid.
+ A basic buffer solution (7-11) is composed of a weak base and a strong acid salt of
this base.

5.6.2. pH of a buffer solution

The pH of a buffer solution is determined by the pKa of the acid present and the
ratio of the concentrations of the acid and its conjugate base.

CH3COOH + H,0 == CH;COO + H30"

to Ca Csalt
teq Ca (1'(1) Csalt +Caa Caa

[CHsCOO] =G,
[CHsCOOH] = C,

The acidity constant of acetic acid

« _ lor,coo”|xfn,0]
" [CH,COOH]
[H30+] = [C|_|I-(3:CHO((:)OH(]))-(JKa ==> [H30+]: Cac):(bKa
3
sz —|Og [H30+] ==> pH - _Iog Ka + Iog %
pH =pK, + |Og [COHjUguatebase]

[acid]

ﬂ
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5.6.3. Ownership of a buffer solution

= A buffered solution resists large changes in pH that otherwide would occur if the
solution were diluted or if either a strong acid or a strong base were added to the
solution.

= pH =pKa, maximum buffering capacity corresponds to an equimolar mixture of
the weak acid and its conjugate base.

= Buffers are very important in many chemical and biochemical systems

Example 1:
A solution containing 0.4 M of formic acid HCOOH and 0.1 M of its conjugate
base HCOONa with pKa = 3.8.

[HCoO -]

This buffer solution has a pH = pKa + log [HCOOH]

pH=3.8+log - =3.19

5.7. pH Indicators

pH indicators are substances that are added to the acid-base solutions to be assayed
to visually identify the equivalent volume during an assay.
A colored indicator is a weak organic acid or base whose undissociated molecules

have a distinct color from their ions.

These colored indicators are substances that are often of overly complex formula
but can be schematized by the formula Hin, namely the formula of a weak acid.
HiIn+H,0 =—= H30 " +In".
For the formula indicator HIn, we will have the existence of an acidity constant Ka:

K. = |H30+|.||n_|
a=  [HIn]

We will then have a pKa for the colored indicator.

ﬂ
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A colored indicator is chosen when its conjugate base In- is of an assorted color
from the acid form Hin.
With bromothymol blue, the HIn form is yellow and the In- form is blue.
In the case of phenolphthalein, the HIn form is colorless and the In- form is pink.
For pH values of a solution < pKa indicator -1, the HIn form is the majority.
For pH values > pKa indicator +1, the In- form is the majority.
The pH zone, pK a indicator — 1< pH < and pK a indicator + 1, in which no color

dominates, is called the turning zone.

+* Main colored indicators

Table 5.1: Indicators and their colours in acid and alkaline solution.

Indicator Name pKa | pH transition range ""Color change"'.
Methyl orange 3.4 3.1<pH<44 Red to yellow
Methyl red 52 |4.2<pH<6.2 Red to yellow
Bromothymol blue (BTB) | 7.3 6.0<pH<76 Yellow to blue
Phenolphthalein 8.7 8.0<pH<10.0 Colorless to pink

< h

To choose the right color indicator, during an acid-base assay, the pH at
equivalence should ideally be equal to the , 5 0f the color indicator.

» If a weak base (NH3) is assayed with a strong acid (NaOH), in this case, the
equivalent point for C=10 mol/L is located at pH = ¥ (pKa-log:o C) = 5.6. Thus,
methyl red is the most suitable.

» If astrong acid (HCI) is assayed by a strong base (NaOH), the equivalent point is

pH= 7, among the three indicators mentioned in the table, the choice will

k preferably be on the BTB. J
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5.8. Neutralisation of an acid by a base

When an acid and a base are mixed, the H3O" ions of the acid react with the OH"

ions of the base. Neutralization is complete if the ion concentrations are equivalent.

Table 5.2: pH Levels at the Equivalence Point.

Strength of Acid and Base pH Level
Strong Acid-Strong Base 7
Strong Acid-Weak Base <7
Weak Acid-Strong Base >7
Weak Acid-Weak Base

pH<7 if Ka>Kb
pH=7 if Ka=Kb
pH>7 if Ka<Kb

5.8.1. Neutralization of a strong acid by a strong base
Consider the titration of a strong HCI acid by a strong NaOH base.
HCl+NaOH _____, Na'ClI + H30"+OH
Ca Va Cb Vb
Ny =C pVp moles of OH™ are added to n, = C, V, moles of Hz0".

= Before neutralization:

CaVa>CpV, H30"in excess: strong acid medium: pH= -log [Hs0*] = -log Ca

— CaVa—CpVp
pH=-log Va+ V
» Half-neutralization: strong acid
CaVq
=C,V
2 bVb

ﬂ




Chapter 5

pH of Aqueuses Solutions

= Medium: pH = -log [H 307]

pH= -log %

= At neutralization: point of equivalence:

CaVa = Cp Vp (number of moles of acid = number of moles of base).

The medium is neutral: pH = pH sait = pH water = 7

= After neutralization:

CaVa <

Cp Vp. strong base medium:

CpVp — CaVa
PH = pKy + log [ 2]

Figure 5.1: Neutralisation of a strong acid by a strong base.

ACID-BASE TITRATION CURVE

Strong acid-strong base
neutralization curve
- using phenolphthalein

"""""""""" * End point

~————»= Volume of basc¢ added
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5.8.2. Neutralisation of a weak acid by a strong base
Consider dosing a CH3;COOH weak acid with a strong NaOH base.
CH3;COOH + NaOH == CH3;COONa + H,0

The pH of the starting weak acid medium is calculated by the relationship:
pH = 1/2 (pK, - 10g C,)

= Before neutralization:

CaVa>CpV, H30"in excess: weak acid medium:

CpVp

pH = pKyt+log [C,V, — m]

= Half-neutralization:
CaVa
2

equimolar = C,V,  mixture of weak acid + its conjugate base = buffer solution:

pH = pK+ log [ 2] = pK,

CaVa
= At neutralisation: point of equivalence:
. - —_ CaVa
CaVa =Cy Vp mixture is weak base Cgyt =
Vat+Vp

pH =% (14 + pK,+ log Caar)

= After neutralization:

C.Va < CpVp. strong base medium:

Cb Vb — CaVa

PH = pKw+log [ =]
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Figure 5.2: Neutralisation of a weak acid by a strong base.
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The titration curves below show how the pH changes with added volumes of a base

to an acid, for strong and weak acid-base reactions.

Figure 5.3 : Titration curve-equivalence point.
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Table 5.3: A list of indicators those used for different types of acid-base neutralization

reactions.

Nature of acid | Examples of acid- | Indicator used pH of solution
and base base pair at the end point

Strong acid & e Neutral solution
strongbase H504 + NaOH |anyindicator| ;.7

Strong acid & Acidic solution

weak base HCl + NH4OH  Imethylorange | < 7
Weak acid & . Basic solution
strong base CH3COOH + NaOH [Phenolphthalein oH> 7
Weak acid & N =1 = Neutral or acidic
CH3COOH + NH4O0H No suitable indicators :
woskibue | - M A—
5.9. Exercise
Exercise 1:

A solution A of nitric acid HNO3 with a concentration of 18M is available.
1. What volume of this solution should be used to prepare 500 mL of a 5 M HNO;
(solution B).
2. We have now a 0.02 M of HNOg solution C with a volume of 4 litres.
In what proportion should solutions B and C be mixed to obtain 4 litres of HNO30.5 M

(solution D) ?

Answer:

1. M1V1 = Msz

V; = volume of solution A V, = volume of solution B
M; = molarity of the solution A M, = molarity of the solution B
v, = M, xV, _ 5x500 _ 139ml
M, 18
2. V, + B, =V, Be = V- V,

Vg XCp + V. XC. =VyxC,

Vg XCg + (Vp -V)XCL=V,yxCy
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Vg XCy + Vp XC. - Vg xC. =V, xC,

Ve (C-Ce) = Vp (Cp-Co)

V,(Cp - Co) 4000(0,5-0,02)
V, = V, =
C,-C. 5-0,02
Ve=387.9mL Ve =3612.1 mL
Exercise 2 :

A commercial solution of hydrochloric acid with a density d = 1.19 and containing 37% by
mass of HCI acid is considered. Molar mass of HCI = 36.5 g/mol.

1. Calculate the molar concentration of this commercial hydrochloric acid solution

2. What volume should be taken from this commercial solution to prepare 1 litre of a dilute
hydrochloric acid solution with a concentration of 0.1 mol/L.

3. Calculate the pH of the dilute HCI solution.

Answer:

1. The density of the solution is d = 1.19

p = 1190 g/dm?®, so: 1 litre of a solution weighs 1190 g.

) ) . L 1190 x 36.5
The mass m of HCI contained in 1 litre of solution is: m = #
m = 434.35 g HCI.
. . . .. 43435
The number of moles n of HCI contained in 1 litre of a solutionisn = 365
n = 11.9 moles, therefore: the concentration of this solution is 11.9 M.
2. Ci Vi = Cf. Vf
C; = concentration of the stock solution =11.9 M
V; = volume of the stock solution = ?
C; = concentration of the diluted solution=0.1 M
V; = volume of the diluted solution = 1000 mL
cfv 0.1.1000
V= 1y _ hence : Vi=8.4 mL

Ci 11.9

3. HClis astrong acid in the medium not too diluted.

pH = - log [H3 O] = - log 0.1, hence: pH = 1.

ﬂ
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Exercise 3:

1. Nitric acid HNOg is a strong acid. We will take T =298 K

a. Write the equation of its reaction with water.

b. Dissolve 2.0 x 10~* moles of nitric acid in 100 cm® of pure water; what is the pH of the
solution obtained?

2. Perchloric acid HCIO, is a strong acid.

0.12 x 10™* moles of perchloric acid are dissolved in 100 L of pure water; what is the pH of

the solution obtained?

Answer:

HNO3; + H,0 — NO;3 + H30O"

the reaction of HNO; with water is total.
b. C=2.0 x 10%/100 x 10°=2,0 x 10 °mol.L™ > 10"°°.
We use the relationship: pH =-log C  therefore pH=2.7.
2.C=n/V=0.12 x 10100

=1.2x 107 mol.L™" < 10°%°
we cannot use the relation pH = -log C.
For perchlorate ions: [CIO, ]=C =1.2 x 10"’ mol/L
Electro-neutrality: [H30"] = [CIO4 ] + [OH]
Or [H30] x [OH ] =10,
We deduce:

[HsO']? - 1.2 x 1077 [H30'] - 10 =0

The only positive solution gives:
[Hs0*]~ 1.8 x 10" mol/L
hence pH =6.8
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Exercise 4:

Calculate the pH variation in the following two cases:

a) 0.1 mole of HCl is added to one litreof water,

b) 0.1 mole of HCI is added to one litreof a solution containing a mixture 1M of acetic
acid (CH3COOH) and 1M of sodium acetate (CH3COONa).

Answer
a) The initial pH of pure water equal to 7, after addition of HCI, the solution contains 0.1
mole of H3O" its pH equal to (— log C).
pH=-logC=-1log0.1=1
The pH therefore varied by 6 units.

b) Mixture of 1M acetic acid (CH3COOH) and 1M sodium acetate (CH3COONa).

[cH,co0" |
[CH,COOH]

pH =4.75 + log 1 = 4.75

pH = pKa + log

pH = 4.75 + log % =4.66 The pH therefore varied by 0.09 unit, which is negligible.

Exercise 5:

One litre of 0.02 M sodium hydroxide (NaOH) solution is available.

1. Calculate its pH.

2. Add 2.14 g of NH4Cl to 1 litre of the solution A. Calculate the pH of this new solution.
PKa (nHa+ NH3) = 9.25; M Npaci = 53.5 g/mol

Answer

1. Since NaOH is a strong base, its pH is given by the relationship: pH = 14 + log Cy
pH =14 +1log 0.02 =12.3

2. NaOH reacts quantitatively with NH," according to the reaction:

The initial mole number of NH4Cl is m/ M = 2.14/53.5 = 0.04 moles

NaOH +NH; == NH; + H,O+ Na’

0.02 mol 0.04 mol

ﬂ
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After the reaction, we will have 0.04 - 0.02 = 0.02 mole of NH;" and 0.02 mole of NHs.
A mixture of a weak NH3 base with its conjugate NH," base constitutes a buffer solution.

Its pH is given by the following relationship:

pH =pKa + log [NHf]
|NH4 | pH = pKa=9.25

Exercise 6:

1. A solution contain 6.1 g/L of benzoic acid CgHsCOOH, the Ka for benzoic acid is 102,
Calculate the pH. McsHscoon) = 122 g/L

2. A solution contain 0.2 M of pyridine, the Ky = 1.5 x 10°”°. Calculate the pH.
Answer:
HA s A + H

_ |~ Jx|ns07]
: [HA]

The concentration of free benzoic acid HA must be expressed as molarity. To do this,

divide the number of grams per litreby the formula weight :

[AH] =21 =005M

122

Because [A] =[H'], the numerator of Ka expression is [HzO']?

_ o]
o HA]

[H3:0"] = Ka x[HA]

= v 10~%2x0.05=2.2410%'M

pH = -log [H30]= 2.75

_Jonf

2. Ky = 10
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[OH]=vVKbxC=+v02x1510"° =1.7x 10"
pOH = 4.76
pH+ pOH = 14
pH=14- 476 =9.24.
Exercise 7:

Consider a commercial solution of sulphuric acid H,SO,4 with a specific gravity of
1.84 and a mass percentage of 95%. (Molar mass of H,SO,4 = 98 g/mol).
1. Calculate the mass concentration, molarity and normality of the commercial solution.
2. What volume must be taken from the commercial solution to prepare 10 litres of a dilute
0.05N sulphuric acid solution?
3. Calculate the pH of the dilute solution thus prepared.
4. Mix 500 mL of a 0.025 mol/L sulphuric acid solution with 200 mL of a 0.45 mol/L

sulphuric acid solution. What is the pH of the solution obtained ?

Answer:

d = 1,84 = mass of one litre of commercial solution = 1000 * 1,84 = 1840 g/L
% H,SO,4= 95 = quantity of H,SO, in one litre of commercial solution.

- the mass concentration = 1840*0,95 = 1840 g/L

- the molar concentration C ou M = 1748 /98 = 17,83 mol/L.

- Normality N =17,83 * 2 = 35,66 eq /L.

2- Diluted Solution : Vi * 17,83 =10 * 0,025 = Vi =14 mL.

3- H,SO, is a strong diacid = pH = - log (2*0,025) = 1,3

4- Vf =500 + 350 = 850 mL

ny = MiV1 + MyV, = 0,5*%0,025+ 0,2*0,45 = 0,1025 mol

= M =nt/V;=.01025/0,850 = 0,12 M
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Exercise 8:

Consider an ammonia solution containing 1.7g of NHs3 per litre. The basicity
constant of NHs is given by Ky, its molar concentration is given by C and a its degree of
dissociation.

1. Write down the dissolution reaction of NH3 in water.

2. Establish the relationship between C, Kb et o .

3. Knowing that the acidity constant of the couple NH4*/NH; is 5 10™°, determine the
value of o for this solution (use the necessary approximations).

4. Calculate the pH of this solution.

5. A volume 20 mL of the ammonia solution is neutralised with a 0.2 N HCI solution..

a- Write down the overall neutralisation reaction.

b- What volume of HCI solution must be added to reach equivalence ?

c- Calculate the pH value of the mixture at equivalence.

Answer:

1. The dissolution reaction NH3 in water :
NH;+H,0 ——> NHs +OH
2. The relationship between the dissociation coefficient o and the concentration C and the
basicity constant Kj, : a=NH;7/C=[OH]/C
Ky = [NHs ] [OH ]/[NH3] = Ca? /1-a
3. In the case of a weak base with little dissociation: (o <<1) = Kp=Co?
— o=/Kb/C
Kp = Ku/Ka = 10%/10%? = 10*® and C=0,1M = =0,013 or 1,3%
4. pH=7+% pKa+ % logC=7+9,2/2+ % log (0,1) =11,1
5. NH3 + HC1 — NH4CI + H,0
Chcl Vel = Cnnz Vi3 = Vi = 0,1*%20/0,2 = 10 mL
Species present in solution at the equivalent point : NH,", CI
NH; " +H,0 — NH3;+H;0" = weak acid
= pH =% pKa - % [NH,'] [NH,'] = 0,1*20/30 = 0,067M

pH =% x 9,2 - % log (0,067) = 5,2
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6.1. Concept of solubility-saturation

The maximum amount of a substance that can be dissolved in a given volume of
solvent is called solubility. A solution that has not reached its maximum solubility is called
an unsaturated solution. This means that more solute could still be added to the solvent and
dissolving would still occur. Once this limit is reached, the substance cannot dissolve
further, marking the maximum solubility.

A solution that has reached the maximum solubility is called a saturated solution. If
more solute is added at this point, it will not dissolve into the solution. Instead it will
remain precipitated as a solid at the bottom of the solution.

Within the realm of water-soluble substances encountered in daily life, two common
examples are sugar and table salt. Chemically, these substances dissolve in water through

distinct processes.

a) lonic solutions
In the case of an ionic solution, the dissolution of the solute by the solvent leads to

the formation of ions dispersed in this latter.
Example: Dissolution of sodium chloride (salt) in water

A grain of cooking salt (NaCl) is a small crystal consisting of Na* and CI" ions,
linked by ionic bonds. When this grain of salt is dissolved in water, the ionic bonds are
broken and the ions will be free in the solution, each being surrounded by water molecules,

the ion is said to be hydrated.

NaCl ) — water Na*@aqg + Cl (aq)

NacCl(s) Hydrated cation,
Na*(aq)
% a ;é
»
y »
3

o"‘*

s . : —
D “ ~ N
H_OW) Hydrated anion,

Cl (aa)
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b) Molecular solutions

In the case of a molecular solution, the solute comprises molecules that disperse
within the solvent without undergoing any modification.

Example: Dissolution of glucose (sugar) in water

A sugar grain (glucose) is a small crystal consisting of molecules (of formula
CeH120¢) all of whose internal bonds are covalent. When this sugar grain is dissolved in
water, each molecule is surrounded by water molecules and isolated from the other sugar

molecules. The covalent bonds are not broken; each molecule remains whole.

CeéH1206(s) water CeH1206 (aq)
_—
NaCl solution Sugar—water solution

Interactions in a Sodium Chioride Solution Interactions between Sugar and Water Molecules

6.2. Definition of solubility

The solubility S of a substance (a poorly soluble salt) is the maximum amount that
can be dissolved in a given volume of solvent. This solubility can be expressed in:
- Gram of solute per litre of solution (g/L),
- Number of moles of solute dissolved in one litre of solution (mol/L).

A salt is considered poorly soluble if the maximum amount that can be dissolved is
less than 102 mol/L.
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Examples:

AgCl: S = 10° mol/L, AgCl is said to be a very poorly soluble compound.
NaCl: S = 6 mol/L, NaCl is said to be a very soluble compound.
¢ In a litre of pure water, you can dissolve:
« 24 moles of solid AgCIO4
+ 0.00023 moles of solid AgCl

AgCIOy is said to be more soluble than AgCI

s Examples of the water solubility threshold of different chemical species, at a

temperature of 20°C.

Novel compounds Copper sulphate Calcium carbonate  Sodium chloride

Solubility (g/l) 220 0153 360

(" )

Note:

Solubility concerns a solid in a liquid, but also a gas in a liquid (carbonated

water for example) or a liquid in another liquid.

J

6.3. Solubility rules

The solubility rules make it possible to predict whether a compound is soluble or

sparingly soluble.

1) Sodium, potassium, and ammonium salts are soluble (NaCl, KCI, NHsOH).

2) The salts of nitrates, chlorates, and acetates are soluble (KNO3z, NaClOs, and
CH3COONa).

3) Carbonates, chromates, and phosphates are insoluble, except for their salts with
ammonium cations and alkali metal cations (CaCOs, PbCrOs, and AgsPOs are all

insoluble while compounds like NasPO4 and (NH4).COs are soluble).

106



Chapter 6 Salts in Solution

4) Chloride, bromide, and iodide compounds are soluble, except for those of silver, lead,
and mercury (1).

5) Most hydroxylated compounds are insoluble. The hydroxide salts formed with the
elements of group 1 are an exception because these elements are still soluble (Fe(OH)s,
Co(OH)z, and AI(OH)s are insoluble, but NaOH and LiOH are soluble.

6) Sulfate salts are soluble except their salts containing silver, lead, mercury (1), barium,

strontium, and calcium (CaSOs, BaSOs....) are insoluble.
6.4. Solubility product Ksp

A solution in which maximum solubility is reached is said to be a: saturated solution.
The system is then composed of two phases in equilibrium:

- a solid phase (undissolved solute)

- a liquid phase containing dissolved solute

Therefore, the study of precipitation dissolution equilibria is a direct application of

the general laws of equilibria. The equilibrium constant in this case is called solubility

product Ksp.

For a body of formula AnBm, following what we have seen for the equilibrium

constants:

AnBm (solid) = NA™@E) + MBYyg

By applying the mass action law to the ionization of AnBm, One can write the
following formula:
[Am+]n [Bn—]m [Am+]n [Bn—]m

K = =
‘ [AnByn] S

Ksp = Ke X S=[A™]"x [B™]™ = constant

Ksp is called the solubility product constant.
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[A™] and [B™] represent the ion concentrations at equilibrium (mol/L).

n and m correspond to the coefficients of each of the ions.

( Note: N

- The solubility product is dimensionless

- The solubility products have low values, often expressed as 10, which justifies the

frequent use of pKsp.

PKsp=-log Ksp SO0 Kgp = 10PKP
\When Ksp is small (pKsp is high), the salt is less soluble. /

6.5. Relationship between solubility (S) and solubility product (Ksp)

General case: the cation and the anion do not have the same valence A,B.

Either the following balance:

AnBm (solid) = nA m+(aq) +mB™ (aq)
t=0 x mol 0 0
tequilibrium (C-S) mol n S mol m Smol

Ksp = [A™]" x [B™]™

=(nS)" x (mS)™
=n"mm §nm
_ n+m Ks
S= n" mm
/Note: \

A compound is characterized by its solubility product (Ksp) and not by its solubility (S).
Two special cases are most often encountered:

= The cation and the anion have the same valence,

\ = Oneion is monovalent and the other divalent. /
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Example:
Calculate the solubility of silver chloride AgCl in water in moles per litre. The
solubility product at 20 °C is 107,

Answer : AgCl (S)

[

Ag® + CI

Ksp = [Ag'] x [CI]
Each mole of dissolved AgCl gives 1 moles of Ag*and 1 mole of CI".
[Ag'] =[CI]

Ksp = [Ag*]?
[Ag'] = /Koy =1.0X 10°M.

a) Salt type AB
Example 1:

¢+ Dissolution of Agl

The solubility of silver iodide Agl is 1.2 x 10® mol/L at a certain temperature.
Calculate its solubility in g/L and its solubility product.
Agl == Ag +I
To calculate the solubility in g/L, we need the molar mass of Agl:
M =107.9 + 126.9 = 234.8 g/mol
We can therefore find the solubility in g/L:
S=Cag =234.8-1.2:108=2.82-10° g/L
The solubility product is:
Kop=[Ag]=[I] =8’

Ksp=S2= (1.2-10°8)2 = 1.44-10°%6,
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Example 2:

% Dissolution of CaSO,

CaSO, == Ca + S0,

Solubility: § = [Ca™"] = [SO,"]

Ksp = [Ca” ]x[SO, ] =S

b) Salt type A2B or AB>

Examples 1:

% Dissolution of CaF,

CaF —  Cao+2F

S=[Ca"1=%[F]

Kep=[Ca X [F] =4S

Examples 2:

% Dissolution of Pbl,
Pbl, == Pb " +21I

Solubility: S = [Pb°"] = % [I]

Such that at equilibrium: Ks = [Pb>] x [I] = 4S°

Salts in Solution
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Examples 3:
% Dissolution of Ag,CrO,
Ag,CrO, == 2Ag +Cro,”

S=%[Ag']=[Cr0,”]

Ks = [Ag'][CrO,” ] = 4S°

hence: K

6.6. Precipitation conditions
Consider the following equilibrium:
My Xy = XM a@g+y X ag)

In a solution with a concentration C of metal ions MY, the anion X* is gradually

added to this solution.

The ionic product (Pi) is the product of the molar concentrations of the ions in the
solution of a poorly soluble compound, affected by their exponent. Thus, as and when t

increases, the program gets complicated for increasingly rare cases.

-When: P = [My+]x [Xx-]y < Ksp

No precipitate; the solution is therefore not saturated
- When:

Pz [MPTXP = K

Precipitation limit, the solution obtained is a saturated solution and its concentration
represents the solubility of the salt (S).

So the precipitation condition is:

Pi= [MT[XT > Ke

111



Chapter 6 Salts in Solution

6.7. Factors influencing solubility

6.7.1. External factors

Several factors influence solubility:

a) Structure: is what determines the polarity of the molecules of the substance.

b) Pressure: it greatly influencing the solubility of gases in liquids, but it has no
influence on the solubility of solids; its increase increases the solubility of gases.

c) Temperature: since most dissolution processes are endothermic, an increase in

temperature increases the solubility of solids but decreases the solubility of gases.
6.7.2. Internal factors

a) Relative ion volume: Salts with ions of neighbouring radius are poorly soluble.
b) The nature of the solvent: In most cases, polar solute will dissolve in a polar
solvent while a nonpolar solute will dissolve a nonpolar solvent. The reason fat

does not dissolve in water is because fats are nonpolar and water is polar.
6.8. Effect of common ion

A salt becomes less soluble when it is dissolved in a solution that contains one of
its ions. So far, we have considered a single electrolyte dissolved in water.
Consider, for example, the solubility of a very sparingly soluble salt such as BaSOa.
1
BaSO4 J P BaZ* + SOs*
2

If sulphuric acid (H2SOs) is added to the heterogeneous mixture in equilibrium (solid
+ aqueous phase), the system reacts to absorb this excess of SO.% ions added, the
equilibrium moves in direction 2 (precipitation) according to the principle of Le Chatelier.

The solubility of BaSO4 therefore decreased by adding a common ion (here SO4%).

\
Note:

The introduction of a solution of a common ion leads to a decrease in the

solubility of the ionic compound.

J
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6.9. Effect of the pH of the solution

For example, in the equilibrium:
CaCOss) = Ca%* +COs3*

If an acid (H*) is added, the carbonate ion reacts:

CO3%* + 2H" == H2C03 — > COg2q) + H20

As the carbonate ion is consumed, the equilibrium shifts to the right and the CaCOs

precipitate dissolves.

Note:

Acidification of the medium leads to redissolution of the precipitate.

6.10. Effect of complexation

For example, in the equilibrium: AgClsy == Ag"+CI

If ammonia is added, the Ag"* ion reacts to form a complex:

Ag"+2NHz; == Ag(NHz3)2" soluble

As the Ag® ion is consumed, the equilibrium shifts to the right and the AgCl precipitate

dissolves.

4

Note:

The formation of the complex enhances the dissolution of a salt.
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6.11. Exercises
Exercise 1:

Calculate the concentration of silver ion in the aqueous solution in equilibrium with
a precipitate of silver chromate, when the solution contain sodium chromate so that [CrO4?]
=102 M. Ksp (Ag,Cr0,) = 1.1 x 102

Answer: Ag,CrO, == 2Ag +Cro,”
+2 2-
Ksp = [Ag ] [CrO4 ]

The silver-ion concentration is unknown and is to be calculated; the chromate ion

concentration is 10°2M. Substituting into the solubility product expression,

[Ag'1°[CrO,"]=1.1x 1022
[Ag']°=1.1x10"2/[Cr0,"]
=1.1x10%0
[Ag'] =1.05x 105 M
Exercise 2:

1. A solution of Pb(NOz)2 at 0.01 mol/L is mixed in equal volumes with a 0.1 mol/L
solution of KCI. Will there be a precipitate of PbCl»?
Ksp (PbCl2) = 1.5.10°
2. A 10 mol/L solution of NaCl is mixed in equal volumes with a 10 mol/L solution of
AgNOs. Will there be an AgClI precipitate?

Ksp (AgCI) = 1.6.10-10
Answer:
PbCl, == Pb% + 2CI

Ksp = [Pb?*] X [CI]2 = 1.5.10°

In the mixture [Pb?*] = 0.01 x V/ V+ V = 0.005 mol/L

Idem for Cl ions: [CI']=0.1x V /V +V =0.05 mol

Pi = [Pb2*] x [CI]2 = 0.005 x (0.05)2 = 1.25.10 5 Pi< K

A value lower than Ks is obtained, so there will be no precipitation of PbCl>

114


https://www.lachimie.fr/solutions/solubilite/table-produit-solubilite.php
https://www.lachimie.fr/solutions/solubilite/produit-solubilite.php

Chapter 6 Salts in Solution

AgCl =—= Ag" + CI
Ks=[Ag*] [CI1=1.6.1071
In the mixture [Ag*] = 10*x V/ V+ V = 5.10° mol/L
Idem for CI" ions: [CI'] = 10“x V / V+ V = 5.10" mol/L
Pi = [Ag*] [CI] = 5.105x 5.10° =2.5x 10°
Pi> K

We obtain a value greater than Ksp, so there will be no precipitation of AgCI.

Exercise 2:

One solution contains Fe?* ions and Cu?'ions and hydrogen sulfide H2S. The
concentrations are all equal to 0.1 mol/L. The solution is buffered to pH = 5. We then have
[S*] = 10"° mol/L. What is the sulfide that precipitates?

Ksp (CuS) = 10 and K (FeS) = 6.3 1078,

Answer:

Precipitation equations: CuS == Cu?*+ 8%
FeS ==  Fe®+5*

We have:

Kspl = [CU2+] [Sz-] = 10-35 for CuS

Kz = [Fe?*] [S¥]=6.310%  for  FeS

CuS : Pi1=[Cu?][S?*]
FeS:  Pix = [Fe*] [S?]

Itis noted that  Pi; = [Cu®"] [S*]=0.1x10%° =102 >10%

Pi> Ky === CuS precipitation

Pi» = [Fe**] [S*]= 0.1x10%° =10 < 6.31078

Pi < Ks === no precipitation of FeS.
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Exercise 3:

For silver chloride, the solubility product K is 1.6 107% at 25 °C.

a) Calculate the solubility of AgCl in pure water.
b) Calculate the solubility of AgCl in 0.1M NacCl solution.
Molar mass of AgCl =143.5 g /mol

Answer

a) Solubility of silver chloride in pure water

Let x be the amount (mol) of AgCI that is introduced into one litre of pure water. The
solubility S of silver chloride is the maximum amount of this solid that passes into

solution.

AgCl == Ag + CI
Initially X mol 0 0
After dissolution (x-S) mol Smol S mol

a) In pure water [Ag*] = [CI] =S mol/l

Ks = [Ag*]. [CIT = S?

We get s= /Ks

S= {1,6x1071° =1.26 x 10° mol/L

Or 1.26x10°x1435=1.8103¢g/L (M (AgCl) = 143.5 g/mol).

b) Solubility in NaCl solution (presence of common ion CI)

We have: [Cl]iotal = [Cl']nact + [Cl ] age
Let S ' be the solubility of AgCl in the 0.1 M NaCl solution, the expression of Ks becomes:
Ks =[Ag][CI1=S"x(S*+0.1)=1.6x 100

We arrive at a second-order equation that is easy to solve.
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However, AgCl is very poorly soluble in water and [Cl]agci can be neglected in
front of [Cl"]naci SO:

Ksp =S'x0.1=1.6 X:|.O-10
hence S'=1.6 x 10° mol/L
or S'=1.6x10°x143.5=2.29 x 10~ g/L

S’ < S The solubility of silver chloride in sodium chloride solution is less than its solubility
in pure water.
Verification of the calculation hypothesis:

1.6 10° mol/L << 0.1 mol /L  (justified approximation)

It was therefore possible to make the approximation.
Exercise 3:

An aqueous solution contains a mixture of calcium Ca?* ion, magnesium Mg?* ion
and chloride CI" ion such that :
[Ca?*] = 0.10 mol/L and [Mg?*] = 0.30 mol/L.
A sodium hydroxide solution (NaOH) of molar concentration C = 0.010 mol/L is slowly
added to one litre of this solution with stirring. It is considered that this addition does not
significantly modify the volume.
1. Determine, with justification, the precipitate that forms first.
2. Determine the hydroxide ion concentration [OH"] when observing this first precipitate
3. Calculate the volume of the NaOH solution poured from which the formation of this
precipitate is observed.
Kspz Mg(OH), = 1.3 101!
Solubility S = 1.48 10™* mol/L.
Answer :
1.
Ca%'q+20H, == Ca(OH)2 solid

The constant of this reaction is K1 = 1/ ( [CaZ*ag][ OHaq]?)
=1/Ksp1=1/8.010°=1.310°

Mg@?*aq+20Ha == Mg(OH)2 solid
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The constant of this reaction is Kz = 1/ ([Mg?*ag][ OHaq]?)
= 1/Ksp2 = 1/1.3 x 10M= 7.7 x 10,
Ko >>K; So Mg(OH)2solia  precipitates first.
2. Ca(OH); precipitates as soon as the solubility product K1 =[CaZ*aq][ OHag]? is
reached:

[OH aq)? = Ksp1 / [Ca**aq]

Ksp1
[Ca 2}

[OH%q] =

with [C3-2+aq] initial = 0.10 mol/L
[OH 2] = (8.0 10%/ 0.10)"
=8.9x 10 mol/L.

Mg(OH): precipitates as soon as the solubility product Kspz = [Mg?*aq] [HO ag]? is reached:

[OHaq)® = Kspz/ [Mg?**aq];

. Ksp2
OHuagl = |22
N

W|th [Mgz+aq] initial = 0.30 mOI/L
[OH 4] = (1.3 101/ 0.30) = 6.6 10°° mol/L.
Mg(OH). therefore precipitates first, as soon as the OH" ion concentration reaches

6.6 10 mol/L.
3. Volume Vnaon of sodium hydroxide solution poured:
Vnaon= 6.6 10%/0.010 = 6.6 10 L (0.66 mL).

Exercise 4:

The solubility product of silver nitrite AgNO,, at 25°C, is Kgp = 7.23.10™,
1. Calculate the solubility in pure water, expressed in mol/L and g/L, of this salt at this

temperature.
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2. What is the new solubility of silver nitrite in a 0.118 mol/l solution of silver nitrate
AgNOQOg, fully soluble salt? Compare these two results. What does that tell us?

M (AgNO;) = 154 g.mol*
Answer :
1) Calculation of the solubility of AgNO-:
Either the following heterogeneous equilibrium:

AgNO> = Ag"+NOy
S S
Dissociation of an AgNO- entity releases 1 ion of Ag* and 1ion of NO2
[Ag'] =[CI]=S
Ksp =[Ag][ NO2]=Sx S

Hence S = JKs
Ksp =7.23x 10
S$=2.69.102mol/L =2.69.10%x 154 =4.14 g/L

2) Calculation of the new solubility S' in a silver nitrate solution AgNO3 with
C =0.118mol/L.
Regression equations are as follows:

AgNO; —> Ag"+ NOs fully soluble salt
AgNO, =—= Ag" + NO7 Ksp = [Ag'][ NO27]
[Ag']=S"+C

and [NO2]=S"withC=0.118
Ksp: (S,‘I‘C)S'

or S’ << C

K

hence Ks=S'C ==

Ksp = 7.23.10%

S’ =6.10°mol/L (low value before 0.118, the hypothesis is verified)
Conclusion:

The solubility of a poorly soluble salt decreases considerably when a soluble

salt with a common ion is added to the solution.
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Exercise 5:

We have a neutral solution A of cadmium ions at 10 M. Sodium hydroxide is
added to 500 cm? of solution A until the cadmium hydroxide begins to precipitate (solution
B). At this point the pH is 8.5.

1. Calculate the solubility product of cadmium hydroxide.
2. Sodium hydroxide is added to solution B (without changing the volume) so as to

precipitate 90% of the cadmium originally present (solution C). Calculate the pH of
solution C.

3. Calculate the quantity of sodium hydroxide to be added to solution B to obtain

solution C.

Answer :
1.

Cd?* + 20H" == Cd(OH)
Ksp=[Cd?*] [OH]?
pH + pOH = pKe
POH = (pKe —pH) =-log [OH]
[OH]=10FH -PKe) = 19(B5-14) = 1955

Ksp = [103] [10°55] Ksp = 1014

2. We have 90 % of Cd (OH). précipites. 10 % Will remain: 10 *x 0,1 =104 M.
Ks=[Cd2*] [OH]?

Ky
[Ca?t]

_ K. 10714
=>[0H7] = \/[Ca;’r] =10

[OH] =10°M

=> [0]—[“]2 =

POH = - log [OH] =5

pH=pKe—-pOH= 14-5=9 pH=9
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3. The volume of the solution has not changed and is now 0.5 litres.

The number of moles of OH" ions present in solution C of pH = 9 is determined.
n=[OH1x05 = 10°.0,5=5x 10 ® mole

2 moles of OH" ions are needed to precipitate 1 mole of Cd?* ions, the number of moles of

OH-" ions needed to precipitate 90% of the cadmium in solution B will be :

n=2x09x1072x0,5=9x10*mole

Exercise 6:

The solubility product of silver chloride AgCl is 1.6 x 101° at 25°C.
1. Calculate the solubility in g/l of this salt in pure water at this temperature.
2. Take 950 mL of a saturated aqueous solution of silver chloride and add 50 mL of a
normal solution of hydrochloric acid HCI. State the nature of the reaction and calculate :

a) The pH of the solution

b) The solubility of the silver chloride in the medium.

¢) The mass of precipitate.

M (g/mol) : Ag (108), CI (35,5).

Answer:

AgCl(s) =— Ag'ayp *+ Clqg

Ke = [Ag'T[CI]=Sx S =52

S=/Ky =V16x10710 =126x10 °M

S=1.26x10°M

S=1,26x10"°x1435=1.8x 10 g/L
2. Adding a volume of 50 mL of HCI solution to the AgCI solution amounts to adding
Clions.

HCI + H,O0O —/—= HsO* + CI
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According to LE CHATELIER's law, the addition of common ions shifts the solubility
equilibrium in the direction of AgCl precipitation.
a) 1 eq.g. of HCI —* 1000 mL
x eq.g. of HCI — » 50mL => X=0.05 Eqg.g

[HCI]=0.05N=0.05M
HCl is a strong acid pH =-log C

pH =-log (0.05) = 1.3
b) AgCl(s) = Ag*(ag) + Cl(aq)

S’ (S’ +C)

Avec S’ <<C

Ko 1,6x10%
C 0,05

= 32x10°M

Ke = [Ag][CIT=SxC = S'=

c) Masse of Ag" before adding HCI : m;

M1 =S XV XMag =m1 =1,26 x 10° x 0,950 x 143,5=1.7x 103¢g
Masse of Ag" after adding HCI : m;

M2 =S’ X VX Magci =3,2x 10°x 0,950 x 143,5=4.36 x 10" g
Masse de AgCI précipité : m3

m3=mi—mz=1,70 X 10°-4.36 x 10°".
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Appendix 1

Table 1 : Acidity constants and pKa of some acid-base couples in aqueous
solution at 25°C.

Name Acid formula Base pKa a 25°C
formula

Sulfuric acid H2SO4 HSO« -4,0
Hydrochloric acid HCI CI -3,7
Nitric acid HNOs3 NO3z" -1,4
Hydronium HsO* H20 0,0
Oxalic acid B AR 1,2
Hydrogen oxalate HC204 C204% 4,3
Sulfurous acid H2S03 HSOs" 1,8
Hydrogen sulfite HSOs" SOz* 7,2
Hydrogen sulfate HSOs S04 2,0
Phosphoric acid H3POa4 H2PO4 2,1
Dihydrogen phosphate H2PO4 HPO4?* 7,2
Hydrogen phosphate HPO4* PO4* 12,4
Nitrous acid HNO:2 NO2 8
Formic acid HCOGH HCOO 3,8
Acetic acid CH3CO2H CH3CO2 475
Carbonic acid H2COs HCO 6,4
Hydrogen carbonate HCOs CO3* 10,3
Hydrogen sulfide H2S HS 7,0
Hydrosulfide HS- S 12,9
Hypochlorous acid HCIO ClO 7,3
ammonium NH4* NH3 9,25
Hydrogen cyanide HCN CN- 9,3

Ethanol C2HsOH C2Hs0" 15,9




Appendixes

Appendix 2

Table 2 : Constants Solubility Product of metal hydroxides.

M(OH)n = M™ + nOH Ksp= [M™][OHT"
lons PKsp
AR 32,5
Ag* 7,6-7,7
Ba?* 2,3
Bi%* 30,4
Cd?* 13,5-14,2
Ca* 53
Cr2* 17
Cr3 30
Cu?* 19.7
Sn 2 26,2
Sn** 56
Fe?* 15,1-15,32
Fe3* 37,2-38,2

Mn?* 10,92-11
Hg?* 23-24
Hgo?* 25,5-25,85
Ni%* 14,7-17,2
Pb?* 14,5-15,6
Sr2* 3,5
zZn?* 16,1-16,9
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Table 3 : Constants of Solubility Product of metal Sulfides (MS).

lons PKsp
Ag 49,80
Cd? 27,85
Cu* 47,6
Cu® 35,2
Co?* 20,4-24,7
Sn 2 25
Fe?* 17,2
Mn?* 9,6
Hg?* 51,8
Ni%* 18,5-25,7
Pb?* 27,9
Zn?* 21,6-23,8
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Table 4 : Constants Solubility Product of other salts.

This is the equilibrium constant for the process of dissolution. Consider the generic salt

MiAye) = XMMaq + Y AV

Métal lons PKsp
AgBr 12,48
Ag Ag.COs3 11,96
Agl 16

AgCl 9,77

BaCOs3 8,31

Ba BaCrO4 9,7
Ba(C204) 6,77

BaSOq4 10

CaCOs3 8,32

Ca CaSO0y 4,22
Ca(C204) 8,64

CuCl 6,74

Cu CuSCN 13,5
CuBr 8,28

MgCOs 5

Mg MgNH4PO4 12,6
Mg(C20.) 4,07
Hg:Cl2 17,96

Hg2(C204) 13
Hg Hgal> 28,35
PbCOs3 12,82
PbCrO4 13,74

Pb PbSO,4 7,65
Pbl, 8,06
Pb(C204) 10,46

K KCIO4 1,97
SrCO3 8,8

Sr SrSOq4 6,55
Sr(C20a) 7,3
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