Electrochemistry



Introduction

* Electrochemistry is the study of production of electricity from energy
released during spontaneous chemical reactions and the use of
electrical energy to bring about non-spontaneous chemical
transformations



Oxidation and Reduction

Zn(s) + 2 H*(ag) — Zn*"(ag) + Hy(Q)

ONCEEER-INO

 What is reduced is the oxidizing agent.
* H* oxidizes Zn by taking electrons from it.

* What is oxidized is the reducing agent.
* Zn reduces H* by giving it electrons.



Electrochemical cells

® The cell that converts chemical energy to :
electrical energy is called daniell’s cell. Electron flow
and has an electrical potential equal to
1.1 V when concentration of Zn%* and —
Cu?*ions is unity (1 mol dm=3). Such a Current
deI\I/ice is called a galvanic or a voltaic - +
cell.

® |f an external opposite potential is Zine (; \ e Oy
applied in the galvanic cell [Fig. 3.2(a)] [ salt I)!'ldurw o
and increased slowly, we find that the
reaction continues to take place till the
opposing voltage reaches the value 1.1V
when, the reaction stops altogether and
no current flows through the cell.

® Any further increase in the external
potential again starts the reaction but in
the opposite direction . It now functions
as an electrolytic cell, a device for using
electrical energy to carry non-
spontaneous chemical reactions. . J & )

Zn(s) + Cu?*(aq) = Zn?*(aq) + Cu(s) Solution containing Solution containing
sall of Zine salt of Copper
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Fig. 3.1: Daniell cell having electrodes of zine and
copper dipping in the solutions of their
respective salls,



E.<1.1V

__NVV\'AANV\M— ; E=1.1V
Y—— :
node |, current ‘cathode @
Zn salt —Cu 4 1=0) ’
-ve bridge +ve
\ / ‘i‘ / Zn _l:u
e i L' #
1 J G
ZnS0, CuS0,
| . [
When Een< 1.1V h iﬂﬁf_} — E-'Ll-E-{] -
() Electrons flow from Zn rod to Cu rod N !

hence current flows from Cu to Zn.
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(ii) Zn dissolves at anode and copper [] No flow of electrons or current.
deposits at cathode. [ii} No chemical reaction.

Functioning of Daniell cell when
external voltage E_,; opposing
the cell potential is applied.



Galvanlc cells

In this device the Gibbs energy of the spontaneous redox reaction is converted into
electrical work which may be used for running a motor or other electrical gadgets
like heater, fan, geyser, etc.

* Daniell cell discussed earlier is one such cell in which the following redox reaction
occurs.

* Zn(s) + Cu?*(aq) > Zn?*(aq) + Cu(s)

* This reaction is a combination of two half reactions whose addition gives the overall
cell reaction:

* (i) Cu?*+ 2e~ = Cu(s) (reduction half reaction)
* )(ii) Zn(s) = Zn?* + 2e~ (oxidation half reaction)

* These reactions occur in two different portions of the Daniell cell. The reduction half
reaction occurs on the copper electrode while the oxidation half reaction occurs on
the zinc electrode. These two portions of the cell are also called half-cells or redox
couples. The copper electrode may be called the reduction half cell and the zinc
electrode, the oxidation half-cell.



Each half- cell consists of a metallic electrode dipped into an electrolyte. The two half-cells
are connected by a metallic wire through a voltmeter and a switch externally. The electrolytes
of the two half-cells are connected internally through a salt bridge.

Sometimes, both the electrodes dip in the same electrolyte solution and in such cases we do
not require a salt bridge.

At each electrode-electrolyte interface there is a tendency of metal ions from the solution to
deposit on the metal electrode trying to make it positively charged. At the same time, metal
atoms of the electrode have a tendency to go into the solution as ions and leave behind the
electrons at the electrode trying to make it negatively charged.

At equilibrium, there is a separation of charges and depending on the tendencies of the two
opposing reactions, the electrode may be positively or negatively charged with respect to the
solution.

A potential difference develops between the electrode and the electrolyte which is called
electrode potential. When the concentrations of all the species involved in a half-cell is unity
then the electrode potential is known as standard electrode potential.

According to IUPAC convention, standard reduction potentials are now called standard
electrode potentials. In a galvanic cell, the half-cell in which oxidation takes place is called
anode and it has a negative potential with respect to the solution.

The other half-cell in which reduction takes place is called cathode and it has a positive
potential with respect to the solution. Thus, there exists a potential difference between the
two electrodes and as soon as the switch is in the on position the electrons flow from
negative electrode to positive electrode. The direction of current flow is opposite to that of
electron flow.



® The potential difference between the two electrodes of a galvanic cell is called the cell
potential and is measured in volts. The cell potential is the difference between the electrode
potentials (reduction potentials) of the cathode and anode.

® |tis called the cell electromotive force (emf) of the cell when no current is drawn through
the cell. It is now an accepted convention that we keep the anode on the left and the
cathode on the right while representing the galvanic cell. A galvanic cell is generally
represented by putting a vertical line between metal and electrolyte solution and putting a
double vertical line between the two electrolytes connected by a salt bridge. Under this
convention the emf of the cell is positive and is given by the potential of the half- cell on the
right hand side minus the potential of the half-cell on the left hand side i.e.,

Equation:- Ecer = right Ejett
This is illustrated by the following cell reaction example :

Cell reaction:
Cu(s) + 2Ag+(aq) B> Cu2+ (aq) + 2 Ag(s)

Half-cell reactions:
Cathode (reduction): 2Ag*(aq) + 2e~ - 2Ag(s)

Anode (oxidation): Cu(s) - Cu?*(aq) + 2e-
® |t can be seen that the sum of the above reactions leads to overall reaction in the cell and
that silver electrode acts as a cathode and copper electrode acts as an anode. The cell can
be represented as:
® Cu(s)|Cu?*(aq)|Ag*(aq)|Ag(s) and we have
EceII = Eright_ EIeft = EAg+ @Ag ECu2+Cu




Measurement of electrode potential

* The potential of individual half-cell cannot be measured. We can measure only the
difference between the two half-cell potentials that gives the emf of the cell. If we
arbitrarily choose the potential of one electrode (half-cell) then that of the other
can be determined with respect to this.

* According to convention, a half-cell called standard hydrogen electrode represented
by Pt(s)& H,(g)& H*(aq), is assigned a zero potential at all temperatures
corresponding to the reaction

H* (aq)+e™ = Y/,H,.

 The standard hydrogen electrode consists of a platinum electrode coated with
platinum black. The electrode is dipped in an acidic solution and pure hydrogen gas
is bubbled through it. The concentration of both the reduced and oxidised forms of
hydrogen is maintained at unity . This implies that the pressure of hydrogen gas is
one bar and the concentration of hydrogen ion in the solution is one molar.
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Fig. 3.3: Standard Hydrogen Electrode (SHE).



* |f the concentrations of the oxidised and the reduced forms of the
species in the right hand half-cell are unity, then the cell potential is
equal to standard electrode potential.

* Sometimes metals like platinum or gold are used as inert electrodes.
They do not participate in the reaction but provide their surface for
oxidation or reduction reactions and for the conduction of electrons.
For example, Pt is used in the following half-cells:
Hydrogen electrode: Pt(s)|H,(g)| H*(aq)

* With half-cell reaction: H* (aq)+ e~ - %/, H,(g) Bromine electrode:
Pt(s)|Br,(aq)| Br(aq)

* With half-cell reaction: Y/, Br,(aq)+ e~ = Br(aq)



If the standard electrode potential of an electrode is greater than zero then its
reduced form is more stable compared to hydrogen gas.

Similarly, if the standard electrode potential is negative then hydrogen gas is more
stable than the reduced form of the species.

It can be seen that the standard electrode potential for fluorine is the highest in the
Table indicating that fluorine gas (F,) has the maximum tendency to get reduced to
fluoride ions (F~) and therefore fluorine gas is the strongest oxidising agent and
fluoride ion is the weakest reducing agent.

Lithium has the lowest electrode potential indicating that lithium ion is the weakest
oxidising agent while lithium metal is the most powerful reducing agent in an
aqueous solution. It is observed that as we go from top to bottom the standard
electrode potential decreases and with this, decreases the oxidising power of the
species on the left and increases the reducing power of the species on the right
hand side of the reaction.

Electrochemical cells are extensively used for determining the pH of solutions,
solubility product, equilibrium constant and other thermodynamic properties and
for potentiometric titrations.



Standard Reduction Potentials

Potential (V)

Reduction Half-Reaction

+2.87
+1.51
+1.36
+1.33
+1.28
+1.06
+0.96
+0.80
+HOTF
+0.68
+0.59
+0.54
+0.40
+0.34
0 [defined]
—0.28
—0.44
—0.76
—0.83
—1.66
—2.71
=3.05

Fxg) +2e” — 2F (a9)

MnO, (aq) + 8 H*(ag) + 5~ — Mn**(ag) + 4 H,O(l)
Cly(g) + 2e” — 2Cl (ag)

Cr,0,% (ag) + 14 H*(aq) + 6 e~ —— 2 Cr¥*(ag) + 7 H,O(l)
Oy(¢) + 4H (ag) + 4e” — 2 H,0())

Bry(l) + 2e” —— 2 Br (agq)

NO;3 (ag) + 4H"(ag) + 3e” — NO(g) + 2 H,0())
Ag'(ag) + e- — Ag(s)

Fe**(aq) + &= — Fe**(ag)

O5(Q) + 2H(ag) + 2e~ — H,0,(a9)

MnO, (ag) + 2 H,O(l) + 3e™ —— MnOy(s) + 4 OH (agq)
I(s) + 2 — 21 (ag)

Oy(9) + 2HO(l) + 4e” — 4 OH (ag)

Cu?*(aq) + 2e~ — Cu(s)

2H"(ag) + 2e” — Hy(Q)

Ni%*(ag) + 2e~ — Ni(s)

Fe?*(ag) + 2e~ — Fe(s)

Zn**(ag) + 2~ — Zn(s)

2 H,0(l) + 2e~ —> Hy(g) + 2 OH (aq)

AlP'(ag) + 3e~ — Al(s)

Na*(ag) + e — Na(s)

Li*(ag) + e — Li(s)

Reduction
potentials for
many electrodes
have been
measured and
tabulated.



Oxidizing and Reducing Agents

Strongest

oxidizing agent

Increasing strength of oxidizing agent
o o S o

L.

Most positive values of Efq

™N

F(g)|+2e” = 2F (aq)

2H"(ag) + 2 —> H,(g)

Lif(ag) +e-  ——

Increasing strength of reducing agent

[— Strongest

Most negative values of Efq4

reducing
agent

* The strongest oxidizers
have the most positive
reduction potentials.

* The strongest reducers
have the most negative
reduction potentials.



Oxidizing and Reducing Agents

More
positive
A
The greater the
difference between the
2+ -
two, the greater the 1034t 28 ?iud
t

voltage of the cell. athode

>

o2 |Ecenr = (+0.34) — (~0.76)

=+1.10V

Anode

Zn——>7Znt +2e”

—0.76




