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SOLUTIONS AND ELECTROLYTES

INTRODUCTION

Solutions play an important role in many processes. Nutrients ar
carried in water solution to all parts of a plant; the body fluids of animals are Watet
solutions of numerous substances. The ocean is a vast water solution containiné
compounds extracted from the minerals of the earth's crust. Medicines and drog®
are frequently aqueous or alcoholic solutions of physiological active compounds

Definition : “A solurion s a homogeneous mixture or single phase mixtwe of thé
molecules, atoms or ions of two or more componenss" The component (hat
predominates in the solution is usually referred to as the solvent. Since the®® ‘“c‘
three states of matter. There are nine types of solutions: rhree 805¢°%
lutions, three liquid solutions, and three solid solutions.

7.1 CONCENTRATION OF SOLUTIONS

‘ ' : B 0¥
Concentrations areeitherexpressed in physical units or chemical un'®™ s
. former, concentration is expressed in physical units; for example 20 &%
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N:OH per cubic decimetre (dm’).of solution; a 10% aqueous solution of NaCl
contains 10g NaCl per 100 g solution i.e, 10 8 NaCl mixed with 90 g water. What

; pressed in chemical units are more
common and frequently used which are discusseq below:

Molar Concentration : “The molar concentration (M) is the number of moles of
the solwe contained in one cubic decimerre (dm’) or litre of solution". For
example, a 0.5 molar solution of NazCO, contains 53g of Na,CO, per cubic
decimetre of solution, since 53 is half of the molecular mass of Na,CO,, 106.
Aone molar (1M) solution contains 106 g Na,CO, perdm’ of solution. The term
molarity is often used to refer to molar concentration.

Molal Concentration : “A molal concemration (m) s the number of moles of the
solute per kilogram of solvent. For example, a molai solution (1 m) of Na,CO,
contains 106 g Na,CO, dissolved in 1000 g of water, since 106 is the molar mass
o Na,CO,. 0.5 molal solution contain 53 g Na,CO, per kg of water. The term
molality is often used to refer to molal concentration.

12 HYDRATION

Water is a universal solvent and its polar nature plays very important part in
Solving substances, It dissolves ionic compounds readily because of the
ydratioy, of their ions. A hydrated ion is the ion Wthl.l is surrounded by .watc;
Molecules, The clustering of ion with water molecules is duc to the atfrac;xornt :c
apgsiﬁ,,c ion for the negative end of water molecule, of of a ncgative ‘Z’:h:’ s
= live end, [ solution, the number of water molecules which surroun

3 : d, the salt
""Jn finite, Very often when a water solution of 2 ;a : ::a:cv::t?crf;‘:mmwm"'
Stallizag i . lescalle B '
S lizeswitha precise numberof watermolecu f water of crystallization for

Crystallizeq salts contain a definite amount 0

lized
st :-ed from water,the crystal
“lth:, tl'\Whm Recsiucychigndels mrymmz:?nagncsium jon in the crystal

By, ' cOMposition MgCl,.6H,0. That s, ¢ac te that although

h ¢d by six water nfoleénﬂe; (Fig: 7.1). 118 l?:c::;:gutio;oi; crystals, yet
s U

it Wy “':hl;ke MgCl, 6H,O has water molec
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FIGURE 7.1
A schematic representation of the shape of

WNM“"WM\‘M.

: Md-gremcr the charge, greater woul
S e e B, AT s grese Charge densy 11
i ith multi : crw'-th'm‘“c'm’ge than Br- Thus small pos'"”
lons with multiple charges such as Q2 AP+, Cpe i tion
water molecules as compared to large nc'g *» Cr'° possess great auracti® -
Br ~or I°.. Itis found that usually the Water of crystallization is associa!
positive ions. For example copper chlorige is crystallized with the comP?
CuC,‘.l2 -4H,0, and four water molecules are associated with Cy? in squarc?
fashion (Fig. 7.3). N G

silio“
jan’
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Radius 0.85A

FIGURE 7.2
An arrangement of six lons in the order of their increasing charge density. The large bromide

lon with a single charged has the least, the small triply charged aluminium lon the greatest
charge denslty.

a—H FIGURE7.3

A Schematic representation of the shape
of a [Cu (H,0),F** lon (square planer).

Many hydrated salts decompose upon heating to give the anhydrous salts.

Chsocsnaow ..He_at. CuSO,, + SH,wa
Anhydrous
13 salt

A ‘ g
q“»eous solutions of normal salts may be neutral, acidic or alkaline,.
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. depending on the nature of the salt. For example, an aqueous sc?lution of NH,C|
is acidic, a Na,CO, solution is alkaline while NaCl solution is neutral,

To explain the differént behaviour of salts in water, we must consider the

possibility of the ions of salts reacting with water, the reaction being known as
hydrolysis.

DEFINITION :  "The reaction of cation or anion (or both) with water so as
to change its pH is known as hydrolysis”.

It is interesting here to note that the hydrolysis occurs only when a change

in pH takes place. For example, the aqueous solution of NH ,Cl turns blue litmus
red because it is acidic in nature:

NH,(Cl, +HOH, ——» NHOH  +HCl
A Weak basc  Strong acid

In aqueous solution, NH,Cl forms strong acid and weak base. Thus the

solution contains higher concentration of H¢ which changes the pH of water
toward acidic.

The aqueous solution of Na, CO, has o

sit lysis 1S
represented by the following equation: e effeq_, fhehydrolys

Na, CO,, + 2HOH ——> 2NaOH ' +H,CO

. 3w
Stongbasc ~ Weak acid

[tmay be pointed out, the hydrolysis does not occur in case of NaCl bec®*

it does not change the pH of water. The aqueous solution of NaCl is, therefo™
essentially neutral.

74 THEORY OF IONIZATION

__ Thebehaviour of the aqueous solutions of electrolytes was found to ¢ qui®
different than that of non-electrolytes. For example, the electrolytic solutio®®
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conduct electricity and the different solutions of acids, bases and salts have
ifferent abilities to conductelectricity. Properties like elevation of boilin g point,

gepression of freezing point, osmotic pressure and saturated vapour pressure show
marked deviation than similar solutions of the other substances. A relation

between the deviation in properties and electrical conductance was also noted. In

general, greater the deviation, greater the electrical conductance. |

Toaccount for the above facts and « explain the phenomena of electrolysis,
the IONIC THEORY was put forward by the Swedish Chemist Svante Augyst
Arrhenius about 1880.

() The substances called electrolytes are believed to contain electrically
charged particles called ions. These charges are positive for H* ion or ions
derived from metals and negative for the ions derived from non-metals.
Number of electrical charges carried by an ion is equal to the valency of

corresponding atom.

() Molecules of electrolytes (acids, bases and salts) dissociate into oppositely
charged ions on dissolution in water, €.g. :

HSO, = 2H'+ SO, &7
NaCl = Na*+ CI
HCl = H + CI
NaOH = Na*'+ OH

P The number of positiv-c and negtive charges on the ions must be equal so that
Solution as a whole remains neutral.

2 D Solution, the jons are in state of disorderly motion. U;?on Folliding q\cy
pmmay Combine to give unionized molecules. Thus ionization is a reversxl_ale
in which the solution contains ions of electrolyte together with

w"d molecules.

iy H':SOW e S0, w
¢
Theextent of ionization or o say the degree of ionization depends upon the
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nature of electrolyte. Strong electrolytes such as NaCl, HCI, erc 10nize
completely in water. Weak electrolytes such as AgCl, acetic acig
(CH, COOH) ionize only slightly. For example in 2M solution, only 4
molecules out of 1000 molecules of acetic acid are ionized which mean 99¢
molecules remain unionized.

lonization is not affected by electric current. When electric current is
passed through anelectrolytic solution, the ions begin to migrate towards the
opposite electrodes, i.e. positive ions towards negative electrode (cathode)
and negative jons towards positive electrode (anode). The ions which are
attracted towards cathode are called Cations such as Na*, H* etc., the ions
which are attracted towards anode are called Anions, e.g. Cl-, SO, etc. On
reaching the electrodes, the ions lose their charge and change into neutral
species (atoms or molecules) by the gain or loss of electrons.

Arrhenius Theory clarified many peculiarities in the behaviour of electrolytic
solutions. The presence of ions affords a simple explanation of the deviation
in freezing point, boiling point and Osmotic pressure. Since 1 mole of NaCl
yields 1 mole of Na* (6.02 x 10® ions) and 1 mole of GI- (6.02 x 107), I
number of these ions is twice that of NaCl. Hence Osmotic pressure must
also increase two fold. This is because such properties depend upon
number of particles and noton the nature of compound (colligative prOPC”jCS)'
However according to the Arrhenius jonic theory, an electrolytic solui®"
is regarded as mechanical mixture of solvent molecules and ions. In 0¥
it reflected the interaction between these particles. Further developme”

suggested that the ions can interact with water 1o form hydrates. (Accordi"é
to Arrhenius, ions are free to move like isolated atoms)

Despite the good agreementof the electrolytic dissociation theory with factsi
it was at first not universally accepted. This was simply due to the conce?

S ot
of atom as being indivisible particle and as sych the distinction petwet

atom and ion could not be explained.

The dissociation of electrolyte depends upon (1) nature of elect®”
lyte (ii) degree of dilution (1) temperature,
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0 The electrical conductivity depends upon (i) the number of fons
present in the solution (ii) speed of fons.

75 CONDUCTANCE OF ELECTRIC CURRENT THROUGH
SOLUTIONS

The existence of ions in solutions of electrolytes was postulated to account
for the ability of certain solutions to conduct the electric current. One expects the
conductance of an electrolytic solution to vary with (i), dilution (ii), absolute
velocities of ions (iii) degree of ionization (iv), temperature (v), pressure etc.

In a concentrated solution, the number of ions per unit volume of solution
increases and the distance between ions decreases causing stronger inter ionic
attractions. As aresult, migration of ions becomes moredifficultand the conductance
decreases with increase in concentration. As the solution is diluted the inter ionic
attraction decreases and the migration of ions becomes easier. Asaconsequence,

the conductance increases with dilution.

~ Asthe conduction of electric current is related to the movement of ions, it
: obvious that conductance increases with the increase of absolute velocities of
0ns in solution, | '

_ On the basis of electro conductance data, electrolytes are broadly classified
Aot groups, strong electrolytes and weak electrolytes. The strong electrolytes
.Suc'h HCI, Nacl ctc.oshow larger conductance which is due to higher degree of
lonllation (e<)

« Number of dissociated molecules
Total molecules dissolved

"

show low conductance due to their low

ver, conductance increases rapidly with
pletely ionized in dilute

g K lcolyeslike CH,COOK
dilqun 10nization. In both cases, howe e
&luﬁm; N fact, the strong electrolytes are almost €O
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Conductance of anelectrolytic solutionis alsoinfluenced by the tcmpcrz}turF,
On rais(;ng the temperature by 1°C, conductance increases by 2 t0 2.5% which is
due to reduced hydration of ions and Jower viscosity of solutions.

Pressure has no noticeable effecton conductancc.' Ijarge increasein preszsurc
will cause a considerable fall in conductance. On raising the pressure to 2000

atmospheres, the electro conductance of acetic acid falls to 0.6% of its ori ginal
value.

Conductance of a solution playsanimportant partin the industrial application

ectrolysis since it determines to a considerable degree the consumptions of
energy in the electrolytic process. Electro-conductivity determinations find
extensive use in the control laboratory. Thus the salt co
on vaporization of water (for example, in boiler water
determined from conductivity measurements.

of el

ntents in various solutions
or on condensing milk) is

anode is positive and cathode is Negative, However. in electrochemical
galvanic cell such as battery, the anode is negative i d the cathode is positi®
@ p A 3 . 1!
ton vig electrodes. ConVC"“a] !
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ed solution of cupric chloride

The electrolysis of a moderately concentrat

(Q,'G:) is illustrated in the fig 7.4. As we are awarc of the fact, CuCl’.‘is cornposed
ofions, it may precisely be represented as Cu®, CI, CI". On dissolving in walef,

lons are separated.

CuClm —— Cu¥p 2Cr,,

o elm“ ions are free to move around randomly among water molecules wl:;n
Moy ic current is passing. As soon as the electric gurrcnt is &m ;hod:
agey " Of these ions begins to take place. Cu® ions migrate 10W camms
“lons towards anode. At cathode, Cu? ions are discharged as copper

8ain of electrons (reduction)

w“'v*k — Cum _ Reduction at cathode
Ay
(w. CI- jons are discharged 38 Cl, g8

by the loss of electrons

< |
Yig~2e—, Cl,,, - Oxidation & anode
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Thus the reactions taking place in the electrolytic cell are oxidation -
reduction reactions or redox reactions. By combining the electrode reactions, the
over all reaction of the electrolysis is obtained.

Cu®, q)+7,é - Cuy
2C1-, o Ze - Cl,,

Cu*,+2Ch g = Cug +Cly,

CuCl = Cu, + Cl

2(aq) (s) 2s)

When the ions originally present have been changed to neutral particles, the
current can no longer flow.

7.6 ELECTRODE POTENTIAL

The electric current producing appliance known as the Voltaic cell consists
of two half cells. In each half cella metal plate is placed in the solution of itS e

“The difference of potential created between a metal and solution of 5%
is called Electrode potential of the metal”, It is the measure of tendency ® )
electrode to lose (or gain) electrons or to say it serves as a measure of chemi®
activity during reaction taking place in solution.

Sinceabsoluteelectrode potential can notbe measured., hcnccltlsd“cn: g
by comparing With the hydrogen electrode which is the reference cle cus.
Arbitrarily hydrogen electrode has been assigned a potential of 0. 000 ¥

molﬁr
A hydrogen electrode consists of a platinum plate immersed in}

i
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solution of sulphuric acid. A current of pure H, is passed continuously through the
solution under the pressure of 1 atm . (See figure 7.5). The platinum adsorbs H,
gs O its surface and the platimun coated with hydrogen behaves as if it were
made entirely of hydrogen.

’ electron flow If metal has a negative electrode potential

-

electron flow If metal has a positiye electrode potential

potgnﬂometer : #

———
L — —
- -

hydrogen gas at 1

atmosphere pressure
c—————

salt bridge

molar solution _ =1 molar solution

of metal ions - I —_— = H of hydrogen ions
: — — ——p "'

metal ———— ! = == platinum

FIGURE 7.5

ae Since lemperature and concentration influence the voltage, these variables
g 3 COnStant for the comparison. The temperature is held at 25°C, the
the ga:“""oﬂ of ions in contact with elemental electrode is held at 1 molar an.d
Calleg Pressure at | atmosphere. Electrode maintained under these condfnons is

%andard electrode and its potential as standard electrode potential. Tt is
Mm 3 E°. For the purpose of uniformity, since 1953, ftandard clectrode
My - 1Y€ been expressed in terms of reduction reactions and they are

“:;ddm 8 standard reduction potentials E° Reduction. From fhese values,
OXidation potentials are obtained by just reversing their sign.

Eol | = —Eow

Toj
Uustryye the method of determining the standard electrode potential, we

A
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¢ electrode. For this purpose, we have to construct 3
(a strip of zinc immersed in IMZnSO,)and hydrogen
1y completes the circuit between half cell

pick up the example of zin
voltaic cell made up of zinc :
clectrodes. Saltbridge is made of KClje

@ electron @ @ elagtvr‘on @

flow

ZniZn"* H*/Ha(PY) H* MHa(PY) Cu’"/Cu

FIGURE 7.6

and prevents mixing of solutions. The potentio metric reading gives the lect-
motive force of the cell to be 0.76 volts. Since the hydrogen electrode has (b
potential of 0.00 volts, hence 0.76 volts is the potential of zinc electrode. In
external cireuit it is observed that flow of electrons takes place from zin¢ ©

hydrogen electrode (See fig. 7.6).
~
Zn; Zmowa (1.0M) ﬂ' H* ., (LOM); H,, (1 atom); Pt.
Thus it is believed that electrons must have originated at zin¢ i ili
oxidized, is the anode and is negative with respect to hydrogen elecrod¢:
the standard reduction potential of zinc electrode is - 0.76 V.
Zn”w +2 = an v B petunion = = 0.76V

The standard oxidation potential of zinc is therefore + 0.76 V.

E°.| Sh E°
076V = +076V

A
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“The negative sign signiﬁcs that actually the reaction at zinc electrode occurs
inthe opposite direcuon, i.c., itis the oxidation rather than reduction which occurs

gt ZinC.

Zog-2¢ = Zn* 5 E° .= 076V
Reduction takes place at Hydrogen electrode:
20 +2 - H, ;E°= 0.00V
The cell reaction is, therefore, obtained by adding the half reaction:

In ot 20" ) — Zn¥, +H,,
In case of copper electrode when it is coupled with hydrogen clectrode, the
electromotive force or voltage of the cell given by potentio meter is +0.34 volts.

As the hydrogen electrode has potential of 0.00 volts, ﬂ‘lereff)rC,‘the' clecuodc.
potential of copper electrode is + 0.34 volts. The positive sign indicates that

wtually the reduction takes place at copper electrode as written:
C"bw-b 2e - Cu, ) s I =+0.34V
From thig we predict the oxidation potential to be - 034V

SR B
034V = -034V

immersed in IM Cu SO,)
; hydrogen electrode

In case of copper electrode (a strip Of COPPE,
rrode (sce fig. 7.6) .

i originate at
?:?iled With hydrogen electrode, the electrons operclec

"W of electrons takes place from hydroge” 10 CO

B,
'H* - Cu¥..;Cu RPN
Hm s 'ﬁ' e is reduced and is positive with resp-

eqtorgl,m'%elecmde being cathode:
Ydrogen as shown above.
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This is known as electro chemical series or E.C.S. .

Few important facts about the electrochemical series are summarized as :

(1) Metals above hydrogen in ECS undergoes oxidation in the comparison cell
i.e. they are anodes. Metals placed below hydrogen undergoes reduction i.e.
they are cathodcs,

(i) Whether or not the electrode reaction will occur spontancously when
- electrode is connected to hydrogen electrode can be inferred from the sign
of electrode potential. If it is positive, the reaction will occur as written and
the electrode will act as anode. If the sign is negative, the reverse reaction

will occur and it will be cathode and hydrogen electrode as anode.

(iii) Inthe ECS, there is decreasing tendency from top to bottom to lose electrons
(undergo oxidation) and increasing tendency to gain electrons (Mo
reduction). In other words, the reducing strength decreases and thcoxidiz.mg
strength increases from top to bottom. Thus lithium is the strongest reducing

agent and F, the strongest oxidizing agent.

i i rder of reactivity and shows the
(iv) In E.C.S, the metals are placed in the 0 : . :

displacement order. Metals displace metalslying below themin the list from

solution of their salts. All metals above hydrogen have negative electrode

potentials.
7.7 OXIDATION NUMBER (O.N.)

Definition :

)onmcatominthecompoundorionundet

i.e. notreal
“The formal charge (i.e. n0O it

consideration is known as oxidation num

umber, the term ‘formal charge' is used which

In defining the oxidation n the atom in a molecule orion. While using the -

means it is not the actual charge on

e ———————— R — i

Scanned with CamScanner



208

concept of O.N., all the compounds (including all the covalent compounds) g,
imagined to be completely ionic, although no compound, is completely ionic, |,
covalent compounds, therefore, the bonding electrons (that are presentina bond)
are considered to be "owned" by the more electronegative atom e.g. in H:O:H,
oxygen is more electronegative than hydrogen, therefore two electrons, one f:;om
each hydrogen, are considered to be owned by oxygen giving rise to two negative
charges on oxygen. Therefore, oxidation number of oxygen in water would be 2-
Each hydrogen is considered to have lost one electron giving rise to one positive
charge on each hydrogen. Therefore, oxidation number of hydrogen would be 1",

Guiding rules that have been established to determine the oxidation number
of atoms are mentioned below :

1 The oxidation number of all the elements in free state is zero.
Br°, Na°, H,°, P°, 0, , N°,
2. In a compound, the more electronegative elements are assigned negative

oxu.ignon r.lum.bcm, and the less electronegative elements are assigned the
positive oxidation numbers. :

CLF H Qs
3. Ina neutral species, the sum of oxidation numbers is Zero:
*NOP ,  BHBpT l«soza-)z
4 The oxidation number of Oxygen in most of its compounds is 2 .

S0 (mszOr ’ "CO;(HJ

The exceptions are few :
(1o 0N ()2 a9, v (Y=
OF, > 5 iNaoster xo(, h
OxygenislessEN.  peroxide super oxide,

(0-0 bond)
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’

O.C‘{o)‘ : ’N'I“-I;)’ “H}'-!-

When combined with a metal of lower E.N, O.N of Hydrogen is I~
ION.HI- ’locaﬂz(l-)z » I’KHI-

This isdue to the electrone

gativity of hydrogen being intermediate between
-metals and non-metals,

6. The oxidation number of fluorine in its compounds is always 1~ because it
is the most electronegative element and can not form more than one bond.

z’OF,"”’ , SSEM. , CIF-

The oxidation number of the other halogensin binary compounds is
usually 1°

e . - 0% 1 2 (1)

KBr » NaCl *  MgCl?

Few exceptions are there
> + @) 1+ 5+(27) 19 7¢(29
“Hoa! ;' Hid OS2 v SHEIOS . 51 HOIO, |
Hypochlorous Chlorous Chloric perchloric
acid acid acid acid

7. In polyatomic ions, the sum of the oxidation states of all the atoms present
in them equals the ionic charge:

@
5+ (29 av (23, et
fg ey oY’ SO,
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8. Group I, I and 111 elements show the oxidation state of 1+, 2 + and 34
respectively in their compounds:

1 1=

2¢4(19) 3o (19,
KOt GHNGIESS. 5" “AlBr,
T 7 T

1group = 1l group I1I group

It may be pointed out that the oxidation number is simply an ir{za.ginary
number and it reflects the extent to which an element has been oxidized or

reduced. In an oxidized form of the element, the O.N. is more positive, and in
reduced form, it is more negative. '

Example 1.  Give the oxidation number of tin in SnCl, and SnCl,.

Solution: Since oxidation number of each chlorine atom is 1-, hence total
negative charge in SnCl, is 2-. To balance

the negative and positive oxidation
number, the O.N. of Sn must be 2+.
200 (19, S Sn = 24
SnCl,

Similarly in SnCl,, the O.N. of Sn = 4+

4 (1—)‘ S Sn = 4+
SnCl,

Example 2.  Give the oxidation number of Nitrogen in HNO,.

Solution: In HNO,, each of the three oxy

gen has O.N.=2 -, for a total of &
Since hydrogen is 1°, therefore O.N. of Nit

rogenis 5*,

e 84t0), N =35+
HNO,
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Example 3. Determine the oxidation number of S in SO,2"

Solution: The total oxidation number of the three oxygen atoms, is 6-, 2~is to be

left as the charge on the whole ion, Therefore, the oxidation number of sulphur
@),

2
ls4+ S 0, ] .
7.8 OXIDATION AND REDUCTION REACTIONS

Definition I s Oxidation is a chemical change in which electrons are lost by
anatom or group of atoms, and reduction is a chemical change in which electrons
are gained by an atom or group of atoms. Consider the following examples.

Fe® — Fe + 2¢ (Oxidation)

In this reaction neutral iron atom has lost 2 electrons and has changed to
ferrous ion, so it is oxidation.

Cl,+2¢ = 2Cl° (Reduction)

In this reaction, Cl, gains two electrons and charges to CI ions, itis therefore
reduction. These definitions of oxidation and reduction are based on electron
transfer.

~ Definition II ; The most comprehensive definitions of oxidation and reduction

are in terms of oxidation numbers:

Odixation is a process in which the oxidation number of an element is increased:
reduction is a process in which the oxidation number of an element is decreased.
For example C° + 0°, — C*0,%, is an oxidation of carbon, since its oxidation
number increases from zero to 4° (Total change of four units).

Similarly, HE24 B0, — ZH'BE' is the reduction of bromine as its

Oxidation number decreases from O to 1-. Itmay be pointed out that oxidationand
ion occur simultaneously and such reactions are referred to as redox.

Iactions,

' Oxidation number is the concept that is helpful in diagnosing quickly the
g State of oxidation or reductions of particular atoms in various compounds,
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7.9 BALANCING OXIDATION-REDUCTION EQUATIONS
(ION-ELECTRON METHOD)

In this method of balancing the redox equations, only those reactants and
products are balanced that contain the elements undergoing a change in oxidation
state. That is to say, only those reactants and products are balanced which are
actually oxidized or reduced. For this purpose it is important to transform
molecular equation into ionic equation. Following key points must be kept in
mind while writing down an ionic equation:

- (@) Tonic substances are written in the ionic form only if the ions are separated
from each other in the reaction medium. For example solid NaCl, Na* and
Cl- are not written because these ions are held together in its crystal. When
present in solution, however, NaCl would be indicated by Na* and CI-, or
either of these ions alone if only the sodium or the chlorine undergoes a

change in oxidation state. Insoluble salts such as BaSO, are always written
in the neutral form.

(b) Pa.rtia.lly ionized substances are written in the ionic form only if the extent

of ionizationis appreciable, Thus water which isvery little ionized, is written
HNO,, are written in the ionized form but
ulphurous acid (HNO,, H,SO,) are always
trong bases such as NaOH, KOH may be

written in the ionic form as Na* ang OH- or K* and OH-. A weak base like

NH, is written as NH.J

(c) Complex fons suchas ferrocyanide [Fe(CN),J* or ferricyanide, [Fe(CN)J*
which are stable and are written as such and never gs separate ions like Fe"

1. Write a skeleton equation which i
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3. The ionic equation is split in to two partial equations i.e. the oxidation
and reduction equation.

4, Balanceeach partial equation in terms of atoms. In neutral or acidic medium,

H,0 and H* are added for balancing oxygen and hydrogen respectively. The
oxygen atoms are balanced first.

In case of basic medium, OH- and H,0 are added to balance oxygen and
hydrogen respectively.

5. Balance the charge in each partial equation by adding electrons to either the
left or right side of the equation. It will be found that electrons are added to
the left in the partial equation for the reduction equation and to the right in
the partial equation for oxidation reaction.

; 6. Multiply each partial equation by a number so that the electrons in both the
partial equations become equal in number.

7. Add the two partial equations after cancelling the electrons. In the sum
equation, cancel out any species common (o both sides.

- Example 1. Balancethe oxidation of H,S with HNO, by ion electron method.

Step 1:- Write the skeleton equation
HNO, +HS —> NO+S+H0
Step 2 ;. Transform the molecular equation into fonic form:
NO, + HS— NO +S
o g s o g s
st- since sulphur undergoes an increase in oxidation state. It could have been

writien a5 sulphide ion (§*), but HS is preferable because of the very slight
degree of jonization of the acid in nitric acid solution.
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Step 3:-  Split the ionic equation into two partial equations (Oxidation, reduction

5+ 2
NOy —— NO .. Reduction (Nitrogen from S+t0 2*)
HS$* — §° .. Oxidation (Sulphur from 2-to 0)

Step 4 :- Balance the partial equations. Since the medium is acidic, oxygen and
hydrogen atoms are balanced by adding H,0 and H .

In the first partial equation, 2 H,0 must be added to the right side to balance
the oxygen atoms. Then 4H* arc added to the left to balance Hydrogen,
NO;"+4H' —— NO+2H0

In the second partial equation, 2H* are added to the right to balance tw
hydrogen atoms on the left:

HS — S +2H*
Step 5 :- Charge is balanced in the partial equations by adding electrons. Inth

first equation, the net charge on the leftis 4+ (1-) = 3 + and on the right it is zer
Hence 3 electrons are added to the left side:

NO; +4H'+3¢ — NO + 2H,0

In the second equation, the net charge on the right is 2+, hence 2 electr®
are added to make it zero as on the left:

HS — S+2H* +2¢”

Step 6 :- In order to equate the electrons lost and gained, first partial equation
multiplied by 2 and the second by 3 (cross multiplied):

2NO, + 8H* + 66 — 2NO+4H,0

3H,S —— 3§+ 6H'+6e :
Step 7 :- Cancel out the electrons and add the partial equations:

2NO7 + 3H,S +8H'— 2NO+3S + 4H,0 + 6H"
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Since 6H* are common 1o both sides, hence they are cancelled
2NO, +3H,S +2H'— 2NO + 3§ + 4H,0 (Balanced)

i }'{I’his equation may be converted back to molecular form by combining NO~,
and H*, '

2HNO, +3H,S — 2NO +3§ +4H,0

P This is properly balanced equation.
: Example2: The oxidation of FeSO, by KMnO, in acidic solution
Step 1 :- The skeleton equation:

KMnO, + H,SO, + FeSO, — MnSO, +Fe,(SO); + K,SO, + H,0

Step 2 :- Transform into ionic form:

MnO, + Fe* — Mn? + Fe*
Step 3 :- Make partial equations :
MnO; — Mn*
Fe* —» Fe*
Step 4 ;- Balance the partial equations :
MnO,” + 8H* — Mn?*+ 4H,0
Fer* — Fe*

Step 5 ;- Balance the charge by adding electrons.
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Step 6 :- To equate the electrons lost and gained, multiply second equation by 5.

MnO,;~ +

8H* +

S5Fe* — SFe** +5¢

5¢ — Mn* +4H,0

Step 7 :- After cancelling electrons, add the two partial equations:

MnO,” + 5Fe™ + 8H* — Mn" +5Fc” +4H,0 (Balanceq)

To convert back to the molecular form:

2KMnO_+ 10 FeSO, + 8H,SO, = 2MnSO, +5Fe,(SO)), +K;SO, +8H,0

7.10 INDICATORS

_ The end point of an acid-base titration is often detected by means of an
indicator. Indicators are complex molecules that are themselves weak acids or

weak bases.

A large num.ber of indicators are known and each undergoes its colowr
- change overa particular pH range. The following table lists some of the common

indicators along with their colour change:

Table 7.2 colours of some indicators in acid, base and neutral condition.

Colour Colour Colour
Indicator in in when
acid base neutral
Litmus Red Blue Purple
—a— R g
Methyl orange Red yellow Orange
_/
Phenolphthalcin Colourless pink Colourless
___/
Universal Indicator Red Purple Green

_d
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For a strong acid and weak base, meth i
. ; yl orange is often used. For a strong
base and weak acid, Phenolphthalein is commonly chosen.

The behaviour of indicators can be explained by the fact that the unionized
molecule of an indicator and its anion possess different colours. Alternatively,
one may be coloured and the other colourless. The indicator Hin, for instance,

- dissociates to give its anion In- as shown by the following equilibrium.

Hn — H'+In
(Red) (Yellow)

~ The undissociated molecule Hln, say is red and the anion In- yellow. It can
be seen that the equilibrium position of the indicator will be affected by the
hydrogen ion concentration [H']. If the hydrogen ion concentration, is high, the
equilibrium will move to the left and the undissociated HIn will predominate the
solution will be red. If a base is added which reduces the hydrogen ion
concentration, the equilibrium position will move to therightand the solution will
become yellow. When there is equal concentration of HIn and In-, the indicaior
will be in its neutral position and it will give mixture of red and yellow and'it will

appear orange.
7.11 STRENGTH OF ACIDS AND BASES

All the acids and bases, according to the Arrhenius, ionize in aqueous
solutions to yield H* and OH- respectively. The extent to which these substances
ionize. is however, not same in all the cases. The extent of ionization is expressed

in terms of degree of dissociation or percentage dissociation.
The degree of dissociation (e<)is the ratio of the number of molecules ionized
0 the total number of dissolved molcculcs.

Number of molecules dissociated
Total number of dissolved molecules.
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This ratio when multiplied by 100 gich.thC percentage dlS.sociation. For
example, the degree of dissociation of HCl is 0.9 — 0.959 ;nd its percentagy
dissociation is 90-95% i.c. out of every 100 molecule, 90- )5 molecules of Hey
get ionized in equeous solution. The acids and bascs.havxf\g.mgh percentagy
dissciations are strong and those with low percentage dl§§0§lat10n are weak.
The following table 7.3 lists some strong and weak acids and base alongwit

their percentage.dissociation.

Table 7.3 Some strong and weak acids

Acids Bases
Strong Weak Strong Weak

HC190-95% HS0.1%  [NaOH90-95% NH,OH 1.4%
HNO,90-95% | CH,COOH 1.4% | KOH 90-95%

H,S0, 60% H,CO, 0.17% |Ba(OH), 77%
(1 stage) (1 stage)

Thus strong acids or bases 10nize almo
hus acids st completely and the weak acid of
bases ionize partially in aqueous solutions, o

- According 1o Bronsted-Low th 2
is a proton acceptor, Ty theory, an acid is a proton donor and a b

The formation of acid-base theory i
of measuring the strength of acid::r: c; 'L':::“ of equilibrium suggests a W

. i ersnstnm 6
dissociation constant (Ka) of the acid HA ;s ;w ::;; the above equilibriv™ ™
y:

[HO° 11A |
—9) (s
[HA,,] [H,0]

2
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Larger the value of dissocia
true for bases. Some t

following table 7, 4

tion constant (Ka), stronger is the acid. Same is
ypical dissociation constants for acids are given in the

Table 7.4 Some typical dissociation constants for acids

Acid Ka(mol dm™)
at 298°K,
Hydrocyanic acid 4.8x 101
Formic acid 1.8x 10*
Acetic acid 1.8 x 10°%
Chloroacetic acid 14x 1073

Thus chloroacetic acid is stronger than formic acid which in tum is stronger
than acetic acid.

In term of pH, acids with-low pH values, such-as h}:dro?hloric acid, nitric
acid and sulphuricacid are strong acids. Similarly ba§cs withhighpH val_ucs such
as solution of potassium hydroxide, sodium hydroxide are strong alk:alxs. These
substances are strong electrolytes and are nearly completely ionized in aqu?ous

solutions, Weak acids and bases have pH value nearer to 7, they are pa.mal!y
ionized in aqueous solution and are weak electrolytes. Example are acetic acid
and ammonia solution (NH,OH).

7.12 pH

The small values of the concentration of hydrogenion(H") thaf we have
encountered with solutions of slightly dissociated acid led Sorensan in 1909 to
introduce the conception of pH.

Water acts as an acid as well as a base. For example, if we add NH, 10 HO,

———
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water acts as a proton donor or acid forming NH?, . It also acts 2 proton accepugyr
or base forming H,0°, if an acid is added to it :

H,0+NH, — NH', +OH"
HO+H"-CQ* — HO +Cr

Careful measurements have shown that pure water ionizes slightly to

produce ions of H,0* and OH". Electrical conductance measurements of water
at 25°C has indicated the concentration of 1.0x10” M each of H* and OH-
The ionic product of water is therefore

K, =[H,'0] [OH] = 1.0 x 10-*M

In acidic solution, the concentration of H, O* is alwajs greater than that of
OH- and in basic solutions, the concentration of H,0" is less than that of OH"

pH is a convenient way of expressing the acidity and basicity of dilute
aqueous solutions.

—

The pH of a solution is the negative. logarithm of the hydrogen ion
concentration:

1
H=-log[H'] = log —
p g [H'] 4 (i

Thus for water in which [H') = 1 x 107,
pH =~ log (107) = (= log 1.0) + (- log 10-")
=0.00 +7.00 = 7.00

The pH of 7.00 represents the point of neutrality. Clearly acidic solutions

- will have pH values which are low i.¢. less than 7, basic solutions will have P
values which are high i.c. greater than 7,
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Table : pH Scale

(H'] 10° 10* 10 10" 10 10-* 10 [107[10° 10° 10" 10-" 10- 10-® 10~
mol dm~
BEENNUIEIE L2 3 4, S e e Y 0, 12 3

¢« Acidic ¢ Neutral ——— Basic ——

:I'hus ac.:ic%ity is measured on a scale from O (very acidic) to 14 (very
alkalinc). This is the pH scale. pH scale should be thought of simply as numbers
which indicate acidity.

_ pH of a solution is determined using universal indicator. By mixing together
various indicators which change colour at slightly different acidities, chemical
manufacturers have developed a universal indicator which goes through a
spectrum of colours as the acidity changes. pH numbers are related to universal

indicator colours as follows :

Red Orange yellow Green Blue  Deepblue  Purple
10 14

Q=3 6 7 8

ed by adding a few drops of universal

lution can be determin ;
number from the corresponding colour.

pH of a so

indicator solution, the reading offthe pH :
Colour charts are provided by the manufacturer for this purpose.
For more precise measurements, pH meters are available. These are used
with a dclicate glass clectrode which, when dipped into a solugon, will give a
direct reading of pH on the meter.
Below is given the chart which gives the pH of some common matter:
S 12 29 66 10 73 7984 105 116 13
' HCl 11,50, CH,COOH Milk Distilled Blood SeaWaler Milk Ns.CO, N3Ol
- « it A
«— Acidic——| Neumal Basic ————
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Worked Example 1: ~ What is the pH of 0.004 mol dm= HCI (fully
dissociated) at 25°C.

Solution: The fully dissociated HCI has [H*] = 4.0 x 10 mol dm3, so

pH

~log (4.0x 10?)
(-log 4.0) + (- log 10°?)
-0.60+3 =240

Worked Example 2; The PH of a solution is 9.63. Compute its hydrogen ion
concentration,

Solution: The pure exponential number is 1(-%6

. Converting this number to a
mixed number, we have,

1099 = 19 %3 109

= 10 x 100
= 234x 10
Therefore the concentration of hydrogen ion in this solution is 2.34 x 10"
mol dm™
7.13 BUFFERS

The control of pH in living systems is : - for
instance, that the blood has a pH of about 7,3?::: ;:mhﬁzm;mgh
the concentration of carbon dioxide and hence carbonic acid. varies comidtﬂbh'
If acid is added 10 a sample of blood NS PH 15 foung 1o change very little unles
an excess of acid is added.

A solution which tends 10 resist changes in pH is called a buffer soluHo™
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Buffer solutions of specifi
neutralizing a solution of g weak a
strong acid. An example of buffer
with sodium acetate
NH,OH (a weak base) mixed with ammonium
is another example of buffer solution.

CH, COOH(.q) + CH, COO~ Na* (aq) = Buffer solution

NH,OH b

Inpractice, more sophisticated buffer solutions have been developed for use,
particularly in the field of Bio-chemistry. The bufferin blood is the carbonic acid,
it self a weak acid, in conjuction with protein molecules. We can illustrate the
functioning of a buffer system by the dissociation equilibrium of a weak acid.

+ -
+ NH4C1 = Buffer solution.

ed pH values are prepared easily by half
cid with a strong base, or a weak base with a
: solution is acetic acid (a weak acid) mixed
(its salt with strong base). Similarly ammonia solution,
chloride (its salt with strong acid)

|

;& y

b

CH, COOH , == CH, COO0 +H'

The buffer also contains the salt sodium acetate which is fully dissociated to
furnish acetate ions.

CH,COONa',, = CH,CO0-,, +Naj,

Due to the increase in the concentration of acetate ions, the acetic acid
equilibrium is pushed to the left there by reducing the H" concentration and
forming undissociated acetic acid. Thus there is no appreciable change in pH.
Even if small amount of acid or alkali are added, there is very little change in pH
of the mixture. In case of added acid, the additional H* in the solution will combine

with CH, COO to produce undissociated acetic acid.

CH.COO0y 5 +iHli = CH,COOH,,

(aq)
and the pH will remain at about original level.

Small amounts of base (NaOH) added to the buffer solution will be
Neutralized by reactions with weak acid.

OH-, + CH, COOH,,,= H,0,, + CH, COO",
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7.14 NEUTRALIZATION

When two substances (acid and base) having op.posed properties arg alleed
to react, salt and water are produced. The reaction is known as neutralization,

Acid + Base —> Salt + Water
For example, Hydrochloric acid is completely neutralized by sodium hydroxide,
HCl , + NaOH | g —> NaCl  +HO,

In this reaction strong acid neutralizes strong alkali. Instead of complete
neutralization, there may be partial neutralization: for example sulphuric acid
reacts with sodium hydroxide to form sodium hydrogen sulphate:

H,SO,, q)+NaOH(.q) —> NaHSO

4(2q)

+ HZO(‘ 9

In this reaction,

only one hydrogen ion of sulphuric acid is neutralized by
sodium hydroxide. :

Inall these neutralization reactions,~hydrogen ion of the acid combines with
hydroxide ion of base to form water, °

ydrogen ion of acj

_ : ds ard hydroxide ions of alkalis
to produce water is known as Neytralization, -

Hy+ OH-,,— H0,

It may be pointed out that th

€ salts f mplete
neutralization are normal and those Ormed as a result of comp

Pl’Oduced b : o either
acidic or basic. ‘ Y partial neutralization are
Normal salt Acidic s‘ah S

Basic sal;
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PROGRESS TEST 7

1(a) "The ability of an ion depends upon its charge density”, Corament 0a the

statement. :

(b) What is essential difference between hydration and hydrolisis.

2.

What is ionization theory? How does it explain the conductance of electric
current through solutions?

What is etectrolysis? Explain by giving the example of CuCl, Give all
necessary electrode reactions.

Write detailed note on Electrode potential. What do you infere from the
Electro chemical series?

5.(a) Define oxidation number; oxidation, reduction.
(b) Give the oxidation number of:

6.

7.

8.

(i) Crin K, Cr,0, (ii) S in Na,§,0, (iii) Cin CGHO (iv) Mnin MnO-,
(v) Nin NCL. (vi) Oin OF,
Enumerate the rules for balancing the Redox equations by Ion Electron

method.
Balance the following equations by ion electron method.

@ Cr,O:- 2 J P AT C + 10, +HO
‘“) MnO""o- SO’; + }: —s Mnt+? s soz-‘-
r 2
(iil) Cr{OH), + SO  — GO + SO (Basic)

Oxidation of CI* by MnO' in 2cid soludon
&) (KMnO, + KO + H,SO.:’ MnSO, + K,SO,+ H,0 + Q)

(v) MoO; + SO*"+OH" — Mn’* + SO

What are the indicators? How can you explain their behaviour?

9. Write notes on:

(i) pH (ii) Neutralization (iff) Buffers

10. Define pH? What is pH of 0.1M HCl at 25°C?
1 l. What are strong and weak acids and bases? Give appropriaté examples.
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