NEUB CHE 101 Lecture 8: REDOX and Electrochemistry
Redox Reactions
Electrochemistry is the branch of chemistry that deals with the interconversion of electrical energy and
chemical energy. Electrochemical processes are redox (oxidation-reduction) reactions in which the
energy released by a spontaneous reaction is converted to electricity or in which electrical energy is
used to cause a nonspontaneous reaction to occur.
In redox reactions, electrons are transferred from one substance to another.
Many important redox reactions take place in water, but not all redox reactions occur in aqueous
solution. Nonaqueous redox reactions are less cumbersome to deal with, so we will begin our
discussion with a reaction in which two elements combine to form a compound. Consider the
formation of magnesium oxide (MgO) from magnesium and oxygen:
2Mg(s) + O2 (g) → 2MgO(s)
Magnesium oxide (MgO) is an ionic compound made up of Mg2+ and O2- ions. In this reaction, two Mg
atoms give up or transfer four electrons to two O atoms (in O2). For convenience, we can think of this
process as two separate steps, one involving the loss of four electrons by the two Mg atoms and the
other being the gain of four electrons by an O2 molecule:
2Mg → 2Mg 2+ + 4e−
O2 + 4e− → 2O2−
Each of these steps is called a half-reaction, which explicitly shows the electrons involved in a redox
reaction. The sum of the half-reactions gives the overall reaction:
2Mg + O2 + 4e− → 2Mg 2+ + 2O2− + 4e−
or, if we cancel the electrons that appear on both sides of the equation,
2Mg + O2 → 2Mg 2+ + 2O2−
2+
2Finally, the Mg and O ions combine to form MgO:
2Mg 2+ + 2O2− → 2MgO
The term oxidation reaction refers to the half-reaction that involves loss of electrons. Chemists
originally used “oxidation” to denote the combination of elements with oxygen. However, it now has
a broader meaning that includes reactions not involving oxygen. A reduction reaction is a half-reaction
that involves gain of electrons. In the formation of magnesium oxide, magnesium is oxidized. It is said
to act as a reducing agent because it donates electrons to oxygen and causes oxygen to be reduced.
Oxygen is reduced and acts as an oxidizing agent because it accepts electrons from magnesium,
causing magnesium to be oxidized. Note that the extent of oxidation in a redox reaction must be equal
to the extent of reduction; that is, the number of electrons lost by a reducing agent must be equal to
the number of electrons gained by an oxidizing agent.

Oxidation Number
The definitions of oxidation and reduction in terms of loss and gain of electrons apply to the formation
of ionic compounds such as MgO. However, these definitions do not accurately characterize the
formation of hydrogen chloride (HCl) and sulfur dioxide (SO2)
H2 (g) + Cl2 (g) → 2HCl(g)
S(s) + O2 (g) → SO2 (g)
Because HCl and SO2 are not ionic but molecular compounds, no electrons are actually transferred in
the formation of these compounds, as they are in the case of MgO. Nevertheless, chemists find it
convenient to treat these reactions as redox reactions because experimental measurements show
that there is a partial transfer of electrons (from H to Cl in HCl and from S to O in SO2).
To keep track of electrons in redox reactions, it is useful to assign oxidation numbers to the reactants
and products. An atom’s oxidation number, also called oxidation state, signifies the number of
charges the atom would have in a molecule (or an ionic compound) if electrons were transferred
completely. For example, we can rewrite the preceding equations for the formation of HCl and SO2 as
follows:
+1−1

0

0

+4−2

S(s) + O2 (g) → SO2 (g)
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H2 (g) + Cl2 (g) → 2HCl(g)
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The numbers above the element symbols are the oxidation numbers. In both of the reactions shown,
there is no charge on the atoms in the reactant molecules. Thus, their oxidation number is zero. For
the product molecules, however, it is assumed that complete electron transfer has taken place and
that atoms have gained or lost electrons. The oxidation numbers reﬂect the number of electrons
“transferred.”
Oxidation numbers enable us to identify elements that are oxidized and reduced at a glance. The
elements that show an increase in oxidation number—hydrogen and sulfur in the preceding
examples—are oxidized. Chlorine and oxygen are reduced, so their oxidation numbers show a
decrease from their initial values. Note that the sum of the oxidation numbers of H and Cl in HCl (+1
and -1) is zero. Likewise, if we add the charges on S (+4) and two atoms of O [2 × (-2)], the total is zero.
The reason is that the HCl and SO2 molecules are neutral, so the charges must cancel.
We use the following rules to assign oxidation numbers:
1. In free elements (that is, in the uncombined state), each atom has an oxidation number of zero.
Thus, each atom in H2, Br2, Na, Be, K, O2, and P4 has the same oxidation number: zero.
2. For ions composed of only one atom (that is, monatomic ions), the oxidation number is equal to
the charge on the ion. Thus, Li+ ion has an oxidation number of +1; Ba2+ ion, +2; Fe3+ ion, +3; Iion, -1; O2- ion, -2; and so on. All alkali metals have an oxidation number of +1 and all alkaline
earth metals have an oxidation number of +2 in their compounds. Aluminum has an oxidation
number of +3 in all its compounds.
3. The oxidation number of oxygen in most compounds (for example, MgO and H2O) is -2, but in
hydrogen peroxide (H2O2) and peroxide ion (O2−
2 ), it is _1.
4. The oxidation number of hydrogen is +1, except when it is bonded to metals in binary
compounds. In these cases (for example, LiH, NaH, CaH2), its oxidation number is -1.
5. Fluorine has an oxidation number of -1 in all its compounds. Other halogens (Cl, Br, and I) have
negative oxidation numbers when they occur as halide ions in their compounds. When combined
with oxygen—for example in oxoacids and oxoanions—they have positive oxidation numbers.
6. In a neutral molecule, the sum of the oxidation numbers of all the atoms must be zero. In a
polyatomic ion, the sum of oxidation numbers of all the elements in the ion must be equal to the
net charge of the ion. For example, in the ammonium ion, NH4+ , the oxidation number of N is -3
and that of H is +1. Thus, the sum of the oxidation numbers is -3 + 4(+1) = +1, which is equal to
the net charge of the ion.
7. Oxidation numbers do not have to be integers. For example, the oxidation number of O in the
superoxide ion,O−
2 , is -1/2.
Chang Example 4.4

Figure 1 shows the known oxidation numbers of the familiar elements, arranged according to their
positions in the periodic table. We can summarize the content of this figure as follows:
• Metallic elements have only positive oxidation numbers, whereas nonmetallic elements may
have either positive or negative oxidation numbers.
• The highest oxidation number an element in Groups 1A–7A can have is its group number. For
example, the halogens are in Group 7A, so their highest possible oxidation number is +7.
• The transition metals (Groups 1B, 3B–8B) usually have several possible oxidation numbers.

Some Common Oxidation-Reduction Reactions
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Among the most common oxidation-reduction reactions are combination, decomposition,
combustion, and displacement reactions.
Combination Reactions
A combination reaction is a reaction in which two or more substances combine to form a single
product. For example,

Prepared BY
Shahadat Hussain Parvez

NEUB CHE 101 Lecture 8: REDOX and Electrochemistry

Figure 1 The oxidation numbers of elements in their compounds. The more common oxidation numbers are in color.

Decomposition Reactions
Decomposition reactions are the opposite of combination reactions. Specifically, a decomposition
reaction is the breakdown of a compound into two or more components. For example,
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Note that we show oxidation numbers only for elements that are oxidized or reduced.
Combustion Reactions
A combustion reaction is a reaction in which a substance reacts with oxygen, usually with the release
of heat and light to produce a ﬂame. The reactions between magnesium and sulfur with oxygen
described earlier are combustion reactions. Another example is the burning of propane (C3H8), a
component of natural gas that is used for domestic heating and cooking:
C3 H8 (g) + 5O2 (g) → 3CO2 (g) + 4H2 O(l)
Displacement Reactions
In a displacement reaction, an ion (or atom) in a compound is replaced by an ion (or atom) of another
element: Most displacement reactions f t into one of three subcategories: hydrogen displacement,
metal displacement, or halogen displacement.
1. Hydrogen Displacement. All alkali metals and some alkaline earth metals (Ca, Sr, and Ba), which
are the most reactive of the metallic elements, will displace hydrogen from cold water:
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Many metals, including those that do not react with water, are capable of displacing hydrogen
from acids. For example, zinc (Zn) and magnesium (Mg) do not react with cold water but do react
with hydrochloric acid, as follows:

2. Metal Displacement. A metal in a compound can be displaced by another metal in the
uncombined state. For example, when metallic zinc is added to a solution containing copper
sulfate (CuSO4), it displaces Cu2+ ions from the solution:

The net ionic equation is

Similarly, metallic copper displaces silver ions from a solution containing silver nitrate (AgNO3):

The net ionic equation is

Figure 2 The activity series for metals. The metals are arranged according to their ability to displace hydrogen from
an acid or water. Li (lithium) is the most reactive metal, and Au (gold) is the least reactive.
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Reversing the roles of the metals would result in no reaction. In other words, copper metal will
not displace zinc ions from zinc sulfate, and silver metal will not displace copper ions from copper
nitrate.
An easy way to predict whether a metal or hydrogen displacement reaction will actually occur is
to refer to an activity series, shown in Figure 2. Basically, an activity series is a convenient
summary of the results of many possible displacement reactions similar to the ones already
discussed. According to this series, any metal above hydrogen will displace it from water or from
an acid, but metals below hydrogen will not react with either water or an acid. In fact, any metal
listed in the series will react with any metal (in a compound) below it. For example, Zn is above
Cu, so zinc metal will displace copper ions from copper sulfate.
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3. Halogen Displacement. Another activity series summarizes the halogens’ behavior in halogen
displacement reactions:
F2 > Cl2 > Br2 > I2
The power of these elements as oxidizing agents decreases as we move down Group 7A from
ﬂuorine to iodine, so molecular ﬂuorine can replace chloride, bromide, and iodide ions in solution.
In fact, molecular ﬂuorine is so reactive that it also attacks water; thus, these reactions cannot be
carried out in aqueous solutions. On the other hand, molecular chlorine can displace bromide and
iodide ions in aqueous solution. The displacement equations are

The ionic equations are

Molecular bromine, in turn, can displace iodide ion in solution:

Reversing the roles of the halogens produces no reaction. Thus, bromine cannot displace chloride
ions, and iodine cannot displace bromide and chloride ions.
The reaction between magnesium metal and hydrochloric acid is an example of a redox reaction:
The loss of electrons by an element during oxidation is marked by an increase in the element’s
oxidation number. In reduction, there is a decrease in oxidation number resulting from a gain of
electrons by an element. In the preceding reaction Mg metal is oxidized and H+ ions are reduced; the
Cl- ions are spectator ions.

Balancing Redox Equations
Equations for redox reactions like the preceding one are relatively easy to balance. However, in the
laboratory we often encounter more complex redox reactions involving oxoanions such as chromate
2−
−
−
−
(CrO2−
4 ), dichromate (Cr2 O7 ), permanganate (MnO4 ), nitrate (NO3 ), and sulfate (SO4 ). In principle,
we can balance any redox equation using the procedure outlined earlier, but there are some special
techniques for handling redox reactions, techniques that also give us insight into electron transfer
processes. Here we will discuss one such procedure, called the half-reaction method. In this approach,
the overall reaction is divided into two half-reactions, one for oxidation and one for reduction. The
equations for the two half-reactions are balanced separately and then added together to give the
overall balanced equation.
Suppose we are asked to balance the equation showing the oxidation of Fe2+ ions to Fe3+ ions by
2−
3+
dichromate ions (Cr2 O2−
ions.
7 ) in an acidic medium. As a result, the Cr2 O7 ions are reduced to Cr
The following steps will help us balance the equation.
Step 1. Write the unbalanced equation for the reaction in ionic form.
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Step 3. Balance each half-reaction for number and type of atoms and charges. For reactions in an
acidic medium, add H2O to balance the O atoms and H+ to balance the H atoms.

5

Step 2. Separate the equation into two half-reactions.
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Oxidation half-reaction: The atoms are already balanced. To balance the charge, we add an
electron to the right-hand side of the arrow:
Reduction half-reaction: Because the reaction takes place in an acidic medium, we add seven
H2O molecules to the right-hand side of the arrow to balance the O atoms:
To balance the H atoms, we add 14 H+ ions on the left-hand side:
There are now 12 positive charges on the left-hand side and only six positive charges on the
right-hand side. Therefore, we add six electrons on the left
Step 4. Add the two half-reactions together and balance the final equation by inspection. The
electrons on both sides must cancel. If the oxidation and reduction half-reactions contain
different numbers of electrons, we need to multiply one or both half-reactions to equalize the
number of electrons.
Here we have only one electron for the oxidation half-reaction and six electrons for the
reduction half-reaction, so we need to multiply the oxidation half-reaction by 6 and write

The electrons on both sides cancel, and we are left with the balanced net ionic equation:
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Step 5. Verify that the equation contains the same type and numbers of atoms and the same charges
on both sides of the equation.
A final check shows that the resulting equation is “atomically” and “electrically” balanced.
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Galvanic Cells
Previously, we saw that when a piece of zinc metal is placed in a CuSO4 solution, Zn is oxidized to Zn2+
ions while Cu2+ ions are reduced to metallic copper:
Zn(s) + Cu2+ (aq) → Zn2+ (aq) + Cu(s)
The electrons are transferred directly from the reducing agent (Zn) to the oxidizing agent (Cu2+) in
solution. However, if we physically separate the oxidizing agent from the reducing agent, the transfer
of electrons can take place via an external conducting medium (a metal wire). As the reaction
progresses, it sets up a constant ﬂ ow of electrons and hence generates electricity (that is, it produces
electrical work such as driving an electric motor).
The experimental apparatus for generating electricity through the use of a spontaneous reaction is
called a galvanic cell or voltaic cell, after the Italian scientists Luigi Galvani and Alessandro Volta, who
constructed early versions of the device. Figure 3 shows the essential components of a galvanic cell.
A zinc bar is immersed in a ZnSO4 solution, and a copper bar is immersed in a CuSO4 solution. The cell
operates on the principle that the oxidation of Zn to Zn2+ and the reduction of Cu2+ to Cu can be made
to take place simultaneously in separate locations with the transfer of electrons between them
occurring through an external wire. The zinc and copper bars are called electrodes. This particular
arrangement of electrodes (Zn and Cu) and solutions (ZnSO4 and CuSO4) is called the Daniell cell. By
definition, the anode in a galvanic cell is the electrode at which oxidation occurs and the cathode is
the electrode at which reduction occurs. Figure 3 shows the two half-cells of a voltaic cell connected
by a salt bridge. A salt bridge is a tube of an electrolyte in a gel that is connected to the two half-cells
of a voltaic cell; the salt bridge allows the flow of ions but prevents the mixing of the different solutions
that would allow direct reaction of the cell reactants.
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For the Daniell cell, the half-cell reactions, that is, the oxidation and reduction reactions at the
electrodes, are
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Figure 3 A galvanic cell. The salt bridge (an inverted U tube) containing a KCl solution provides an electrically conducting
medium between two solutions. The openings of the U tube are loosely plugged with cotton balls to prevent the KCl
solution from ﬂ owing into the containers while allowing the anions and cations to move across. The lightbulb is lit as
electrons ﬂ ow externally from the Zn electrode (anode) to the Cu electrode (cathode).
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Note that unless the two solutions are separated from each other, the Cu2+ ions will react directly with
the zinc bar:
Zn(s) + Cu2+ (aq) → Zn2+ (aq) + Cu(s)
and no useful electrical work will be obtained.
An electric current ﬂows from the anode to the cathode because there is a difference in electrical
potential energy between the electrodes. This ﬂow of electric current is analogous to that of water
down a waterfall, which occurs because there is a difference in gravitational potential energy, or the
ﬂow of gas from a high-pressure region to a low-pressure region. The voltage across the electrodes of
a galvanic cell is called the cell voltage, or cell potential. Experimentally, this is measured by a
voltmeter. Another common term for the cell potential is the electromotive force or emf (E), which,
despite the name, is a measure of voltage, not force. We will see that the voltage of a cell depends
not only on the nature of electrodes and the ions, but also on the concentrations of the ions and the
temperature at which the cell is operated.
The conventional notation for representing galvanic cells is the cell diagram. For the Daniell cell shown
in Figure 3, if we assume that the concentrations of Zn2+ and Cu2+ ions are 1 M, the cell diagram is
Zn(s)|Zn2+ (1M)||Cu2+ (1M)|Cu(s)
The single vertical line represents a phase boundary. For example, the zinc electrode is a solid and the
Zn2+ ions (from ZnSO4) are in solution. Thus, we draw a line between Zn and Zn2+ to show the phase
boundary. The double vertical lines denote the salt bridge. By convention, the anode is written first,
to the left of the double lines and the other components appear in the order in which we would
encounter them in moving from the anode to the cathode.

Standard Reduction Potentials
When the concentrations of the Cu2+ and Zn2+ ions are both 1.0 M, we find that the voltage or emf of
the Daniell cell is 1.10 V at 25°C. This voltage must be related directly to the redox reactions, but how?
Just as the overall cell reaction can be thought of as the sum of two half-cell reactions, the measured
emf of the cell can be treated as the sum of the electrical potentials at the Zn and Cu electrodes.
Knowing one of these electrode potentials, we could obtain the other by subtraction (from 1.10 V). It
is impossible to measure the potential of just a single electrode, but if we arbitrarily set the potential
value of a particular electrode at zero, we can use it to determine the relative potentials of other
electrodes. The hydrogen electrode, shown in Figure 4, serves as the reference for this purpose.
Hydrogen gas is bubbled into a hydrochloric acid solution at 25°C. The platinum electrode has two
functions. First, it provides a surface on which the dissociation of hydrogen molecules can take place:
H2 → 2H + + 2e−
Second, it serves as an electrical conductor to the external circuit.
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Under standard-state conditions (when the pressure of H2 is 1 atm and the concentration of the HCl
solution is 1 M), the potential for the reduction of H+ at 25°C is taken to be exactly zero:
2H + (1M) + 2e− → H2 (1atm)
E ° = 0V

8

Figure 4 A hydrogen electrode operating under standard-state conditions. Hydrogen gas at 1 atm is bubbled through a
1 M HCl solution. The platinum electrode is part of the hydrogen electrode.
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The superscript “°” denotes standard-state conditions, and E° is the standard reduction potential, or
the voltage associated with a reduction reaction at an electrode when all solutes are 1 M and all gases
are at 1 atm. Thus, the standard reduction potential of the hydrogen electrode is defined as zero. The
hydrogen electrode is called the standard hydrogen electrode (SHE).

Figure 5 (a) A cell consisting of a zinc electrode and a hydrogen electrode. (b) A cell consisting of a copper electrode and
a hydrogen electrode. Both cells are operating under standard-state conditions. Note that in (a) the SHE acts as the
cathode, but in (b) it is the anode.

We can use the SHE to measure the potentials of other kinds of electrodes. For example, Figure 5(a)
shows a galvanic cell with a zinc electrode and a SHE. In this case the zinc electrode is the anode and
the SHE is the cathode. We deduce this fact from the decrease in mass of the zinc electrode during
the operation of the cell, which is consistent with the loss of zinc to the solution caused by the
oxidation reaction:
Zn(s) → Zn2+ (aq) + 2e−
The cell diagram is
Zn(s)|Zn2+ (1M)||H + (1M)|H2 (1 atm)|Pt(s)
As mentioned earlier, the Pt electrode provides the surface on which the reduction takes place. When
all the reactants are in their standard states (that is, H2 at 1 atm, H+ and Zn2+ ions at 1 M), the emf of
the cell is 0.76 V at 25°C. We can write the half-cell reactions as follows:

By convention, the standard emf of the cell, E8cell, which is composed of a contribution from the
anode and a contribution from the cathode, is given by

𝑬°𝒄𝒆𝒍𝒍 = 𝑬°𝒄𝒂𝒕𝒉𝒐𝒅𝒆 − 𝑬°𝒂𝒏𝒐𝒅𝒆

°
°
Where both 𝐸𝑐𝑎𝑡ℎ𝑜𝑑𝑒
and 𝐸𝑎𝑛𝑜𝑑𝑒
are the standard reduction potentials of the electrodes. For the ZnSHE cell, we write
°
°
𝐸𝑐𝑒𝑙𝑙
= 𝐸𝐻° +/𝐻2 − 𝐸𝑍𝑛
2+ /𝑍𝑛
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°
0.76𝑉 = 0 − 𝐸𝑍𝑛
2+ /𝑍𝑛
where the subscript 𝐻 + /𝐻2 means 2𝐻 + + 2𝑒 − → 𝐻2 and the subscript 𝑍𝑛2+ /𝑍𝑛 means
°
𝑍𝑛2+ + 2𝑒 − → 𝑍𝑛 . Thus, the standard reduction potential of zinc, 𝐸𝑍𝑛
2+ /𝑍𝑛 , is -0.76 V.
The standard electrode potential of copper can be obtained in a similar fashion, by using a cell with a
copper electrode and a SHE [Figure 5(b)]. In this case, the copper electrode is the cathode because its
mass increases during the operation of the cell, as is consistent with the reduction reaction:
Cu2+ (aq) + 2e− → Cu(s)
The cell diagram is
Pt(s)|H2 (1 atm)|H+ (1M)||Cu2+ (1M)|Cu(s)
and the half-cell reactions are
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Under standard-state conditions and at 25°C, the emf of the cell is 0.34 V, so we write
°
°
°
𝐸𝑐𝑒𝑙𝑙
= 𝐸𝑐𝑎𝑡ℎ𝑜𝑑𝑒
− 𝐸𝑎𝑛𝑜𝑑𝑒
°
°
𝐸𝑐𝑒𝑙𝑙 = 𝐸𝐶𝑢2+/𝐶𝑢 − 𝐸𝐻° + /𝐻2
°
0.34 = 𝐸𝐶𝑢
2+ /𝐶𝑢 − 0

°
In this case, the standard reduction potential of copper, 𝐸𝐶𝑢
2+ /𝐶𝑢 , is 0.34 V, where the subscript
2+
−
means Cu + 2e → Cu.
For the Daniell cell shown in Figure 3, we can now write

The emf of the cell is

Prepared BY
Shahadat Hussain Parvez

Page

We see that the substance on the left of the first half-cell reaction is Cu2+ and the substance
on the right in the second half-cell reaction is Zn. Therefore, as we saw earlier, Zn
spontaneously reduces Cu2+ to form Zn2+ and Cu.
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°
°
°
𝐸𝑐𝑒𝑙𝑙
= 𝐸𝑐𝑎𝑡ℎ𝑜𝑑𝑒
− 𝐸𝑎𝑛𝑜𝑑𝑒
°
°
= 𝐸𝐶𝑢
2+ /𝐶𝑢 − 𝐸𝑍𝑛2+ /𝑍𝑛
= 0.34 − (−0.76 +
= 1.10 V
°
As in the case of Δ𝐺 (Lecture 7), we can use the sign of E° to predict the extent of a redox reaction. A
positive E° means the redox reaction will favor the formation of products at equilibrium. Conversely,
a negative E° means that more reactants than products will be formed at equilibrium. We will examine
°
the relationships among 𝐸𝑐𝑒𝑙𝑙
, Δ𝐺 ° , and K later.
Table 1 lists standard reduction potentials for a number of half-cell reactions. By definition, the SHE
has an E° value of 0.00 V. Below the SHE the negative standard reduction potentials increase, and
above it the positive standard reduction potentials increase. It is important to know the following
points about the table in calculations:
1. The E° values apply to the half-cell reactions as read in the forward (left to right) direction.
2. The more positive E° is, the greater the tendency for the substance to be reduced. For
example, the half-cell reaction
F2 (1atm) + 2e− → 2F − (1M)
E ° = 2.87V
has the highest positive E° value among all the half-cell reactions. Thus, F2 is the strongest
oxidizing agent because it has the greatest tendency to be reduced. At the other extreme is
the reaction
Li+ (1M) + e− → Li(s)
which has the most negative E° value. Thus, Li+ is the weakest oxidizing agent because it is the
most difficult species to reduce. Conversely, we say that F2 is the weakest reducing agent and
Li metal is the strongest reducing agent. Under standard-state conditions, the oxidizing agents
(the species on the left-hand side of the half-reactions in Table 1) increase in strength from
bottom to top and the reducing agents (the species on the right-hand side of the halfreactions) increase in strength from top to bottom.
3. The half-cell reactions are reversible. Depending on the conditions, any electrode can act
either as an anode or as a cathode. Earlier we saw that the SHE is the cathode (H+ is reduced
to H2) when coupled with zinc in a cell and that it becomes the anode (H2 is oxidized to H+)
when used in a cell with copper.
4. Under standard-state conditions, any species on the left of a given half-cell reaction will react
spontaneously with a species that appears on the right of any half-cell reaction located below
it in Table 1. This principle is sometimes called the diagonal rule. In the case of the Daniell cell,
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Table 1 Standard Reduction Potentials at 25° C
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5. Changing the stoichiometric coefficients of a half-cell reaction does not affect the value of E°
because electrode potentials are intensive properties. This means that the value of E° is
unaffected by the size of the electrodes or the amount of solutions present. For example,
I2 (s) + 2e− → 2I − (1M)
E ° = 0.53V
but E° does not change if we multiply the half-reaction by 2:
2I2 (s) + 4e− → 4I − (1M)
E ° = 0.53V
6. Like DH, DG, and DS, the sign of E° changes but its magnitude remains the same when we
reverse a reaction.
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It can be seen that 𝐸°𝑐𝑒𝑙𝑙 is related to thermodynamic quantities such as ΔG° and K. In a galvanic cell,
chemical energy is converted to electrical energy to do electrical work. Electrical energy in this case is
the product of the emf of the cell and the total electrical charge (in coulombs) that passes through the
cell:
Electrical energy = volts × coulomb
(E = VQ)
= joules
The total charge is determined by the number of electrons that pass through the cell, so we have
total charge = number of e− × charge of one e−
In general, it is more convenient to express the total charge in molar quantities. The charge of one
mole of electrons is called the Faraday constant (F), where
1F = 6.022 × 1023 e− /mol e− × 1.602 × 10−19 C/e−
= 9.647 × 104 C/mol e−
≅ 96500 C/mol e−
Therefore, the total charge can now be expressed as nF, where n is the number of moles of electrons
exchanged between the reducing agent and the oxidizing agent in the overall redox equation.
The measured emf (Ecell) is the maximum voltage the cell can achieve. It is given by the electrical work
done (wele) divided by the total charge; that is,
−𝑤𝑒𝑙𝑒
−𝑤𝑒𝑙𝑒
𝐸𝑐𝑒𝑙𝑙 =
=
𝑡𝑜𝑡𝑎𝑙 𝑐ℎ𝑎𝑟𝑔𝑒
𝑛𝐹
𝑤𝑒𝑙𝑒 = −𝑛𝐹𝐸𝑐𝑒𝑙𝑙
The negative sign indicates that the electrical work is done by the system (galvanic
cell) on the surroundings. In lecture 3 we defined free energy as the energy available to do work.
Specifically, the change in free energy (ΔG) represents the maximum amount of useful work that can
be obtained in a reaction:
Δ𝐺 = 𝑤𝑚𝑎𝑥 = 𝑤𝑒𝑙𝑒
Therefore, we can write
Δ𝐺 = −𝑛𝐹𝐸𝑐𝑒𝑙𝑙
Both n and F are positive quantities and ΔG is negative for a spontaneous process, so Ecell must be
positive. For reactions in which reactants and products are in their standard states, Equation above
becomes
Δ𝐺° = −𝑛𝐹𝐸°𝑐𝑒𝑙𝑙
Now we can relate 𝐸°𝑐𝑒𝑙𝑙 to the equilibrium constant (K) of a redox reaction. Earlier we saw that the
standard free-energy change Δ𝐺° for a reaction is related to its equilibrium constant as:
Δ𝐺° = −𝑅𝑇 ln 𝐾
Therefore, we can write
−𝑛𝐹𝐸°𝑐𝑒𝑙𝑙 = −𝑅𝑇 ln 𝐾
𝑅𝑇
𝐸°𝑐𝑒𝑙𝑙 =
ln 𝐾
𝑛𝐹
When T=298 K, Equation above can be simplified by substituting for R and F:
(8.314 𝐽/𝐾) (298𝐾)
𝐸°𝑐𝑒𝑙𝑙 =
ln 𝐾
𝑛(96500𝐽/𝑉)
0.0257 𝑉
𝐸°𝑐𝑒𝑙𝑙 =
ln 𝐾
𝑛
Alternatively, Equation above can be written using the base-10 logarithm of K:
0.0592 𝑉
𝐸°𝑐𝑒𝑙𝑙 =
lg 𝐾
𝑛
Thus, if any one of the three quantities Δ𝐺°, K, or 𝐸°𝑐𝑒𝑙𝑙 is known, the other two can be calculated
using the formulas depicted in Figure 6. We summarize the relationships among Δ𝐺°°, K, and 𝐸°𝑐𝑒𝑙𝑙
and characterize the spontaneity of a redox reaction in Table 2. For simplicity, we sometimes omit the
subscript “cell” in E° and E
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Figure 6 Relationship among 𝚫𝑮°, K, and 𝑬°𝒄𝒆𝒍𝒍
Table 2 Relationship among 𝚫𝑮°, K, and 𝑬°𝒄𝒆𝒍𝒍
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The Eﬀect of Concentration on Cell Emf
So far we have focused on redox reactions in which reactants and products are in their standard states,
but standard-state conditions are often diff cult, and sometimes impossible, to maintain. However,
there is a mathematical relationship between the emf of a galvanic cell and the concentration of
reactants and products in a redox reaction under nonstandard-state conditions.
So far, we have focused on redox reactions in which reactants and products are in their standard
states, but standard-state conditions are often diff cult, and sometimes impossible, to maintain.
However, there is a mathematical relationship between the emf of a galvanic cell and the
concentration of reactants and products in a redox reaction under nonstandard-state conditions.
The Nernst Equation
Consider a redox reaction of the type
aA + bB → cC + dD
ΔG = ΔG° + RT ln Q
Because Δ𝐺 = −𝑛𝐹𝐸 and Δ𝐺° = −𝑛𝐹𝐸°, the equation can be expressed as
−𝑛𝐹𝐸 = −𝑛𝐹𝐸° + RT ln Q
Dividing the equation through by -nF, we get
𝐑𝐓
𝑬 = 𝑬° −
𝐥𝐧 𝐐
𝒏𝑭
where Q is the reaction quotient (see lecture 5. The quantity obtained by substituting the initial
concentrations into the equilibrium constant expression is called the reaction quotient (Qc)). Equation
above is known as the Nernst equation. At 298 K, the equation can be rewritten as
0.0257 V
𝐸 = 𝐸° −
ln Q
𝑛
Or by using base-10 logarithm
0.0592 V
𝐸 = 𝐸° −
lg Q
𝑛
During the operation of a galvanic cell, electrons ﬂow from the anode to the cathode, resulting in
product formation and a decrease in reactant concentration. Thus, Q increases, which means that E
decreases. Eventually, the cell reaches equilibrium. At equilibrium, there is no net transfer of
electrons, so E=0 and Q=K, where K is the equilibrium constant.
The Nernst equation enables us to calculate E as a function of reactant and product concentrations in
a redox reaction. For example, for the Daniell cell,
Zn(s) + Cu2+ (aq) → Zn2+ (aq) + Cu(s)
The Nernst equation for this cell at 25°C can be written as
0.0257 V [Zn2+ ]
E = 1.10 V −
ln
[Cu2+ ]
2
[Zn2+ ]

[Zn2+ ]

If the ratio [Cu2+] is less than 1, ln [Cu2+] is a negative number, so that the second term on the right-
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hand side of the preceding equation is positive. Under this condition E is greater than the standard
emf E°. If the ratio is greater than 1, E is smaller than E°.
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Now suppose we want to determine at what ratio of [Co2+] to [Fe2+] the reaction in Example 19.6 would
become spontaneous. We can write as follows:
0.0257 V
𝐸 = 𝐸° −
ln Q
𝑛
We first set E equal to zero, which corresponds to the equilibrium situation.
0.0257 V [Co2+ ]
0 = −0.16 𝑉 − −
ln
[Fe2+ ]
2
2+
[Co ]
ln
= −12.5
[Fe2+ ]
[Co2+ ]
= 𝑒 −12.5 = 𝑘
[Fe2+ ]
Or 𝑘 = 4 × 10−6
Thus, for the reaction to be spontaneous, the ratio [Co2+ ]/[Fe2+ ] must be smaller than 4×10-6 so that
E would become positive.
As Example 19.7 shows, if gases are involved in the cell reaction, their concentrations should be
expressed in atm.
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Concentration Cells
Because electrode potential depends on ion concentrations, it is possible to construct a galvanic cell
from two half-cells composed of the same material but differing in ion concentrations. Such a cell is
called a concentration cell.
Consider a situation in which zinc electrodes are put into two aqueous solutions of zinc sulfate at 0.10
M and 1.0 M concentrations. The two solutions are connected by a salt bridge, and the electrodes are
joined by a piece of wire in an arrangement like that shown in Figure 3. According to Le Châtelier’s
principle, the tendency for the reduction
Zn2+ (aq) + 2e− → Zn(s)
increases with increasing concentration of Zn2+ ions. Therefore, reduction should occur in the more
concentrated compartment and oxidation should take place on the more dilute side. The cell diagram
is
And the half reactions are

The emf of the cell is
[Zn2+ ]𝑑𝑖𝑙
0.0257 𝑉
ln
[Zn2+ ]𝑐𝑜𝑛𝑐
2
where the subscripts “dil” and “conc” refer to the 0.10 M and 1.0 M concentrations, respectively. The
E° for this cell is zero (the same electrode and the same type of ions are involved), so
0.0257 V 0.1
E=0−
ln
= 0.0296 V
2
1
The emf of concentration cells is usually small and decreases continually during the operation of the
cell as the concentrations in the two compartments approach each other. When the concentrations
of the ions in the two compartments are the same, E becomes zero, and no further change occurs
A biological cell can be compared to a concentration cell for the purpose of calculating its membrane
potential. Membrane potential is the electrical potential that exists across the membrane of various
kinds of cells, including muscle cells and nerve cells. It is responsible for the propagation of nerve
impulses and heartbeat. A membrane potential is established whenever there are unequal
concentrations of the same type of ion in the interior and exterior of a cell. For example, the
concentrations of K+ ions in the interior and exterior of a nerve cell are 400 mM and 15 mM,
respectively. Treating the situation as a concentration cell and applying the Nernst equation for just
one kind of ions, we can write
0.0257 V [K + ]ex
E = E° −
ln +
[K ]in
1
0.0257 V 15
E=0−
ln
= 0.084V or 84mV
1
400
where “ex” and “in” denote exterior and interior. Note that we have set E°=0 because the same type
of ion is involved. Thus, an electrical potential of 84 mV exists across the membrane due to the unequal
concentrations of K+ ions.
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𝐸 = 𝐸° −
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Batteries
A battery is a galvanic cell, or a series of combined galvanic cells, that can be used as a source of direct
electric current at a constant voltage.
The Dry Cell Battery
The most common dry cell, that is, a cell without a ﬂuid component, is the Leclanché cell used in
ﬂashlights and transistor radios. The anode of the cell consists of a zinc can or container that is in
contact with manganese dioxide (MnO2) and an electrolyte. The electrolyte consists of ammonium
chloride and zinc chloride in water, to which starch is added to thicken the solution to a paste-like
consistency so that it is less likely to leak (Figure 7). A carbon rod serves as the cathode, which is
immersed in the electrolyte in the center of the cell. The cell reactions are

Actually, this equation is an oversimplification of a complex process. The voltage produced by a dry
cell is about 1.5 V.

Figure 7 Interior section of a dry cell of the kind used in ﬂashlights and transistor radios. Actually, the cell is not
completely dry, as it contains a moist electrolyte paste.

The Mercury Battery
The mercury battery is used extensively in medicine and electronic industries and is more expensive
than the common dry cell. Contained in a stainless steel cylinder, the mercury battery consists of a
zinc anode (amalgamated with mercury) in contact with a strongly alkaline electrolyte containing zinc
oxide and mercury(II) oxide (Figure 8). The cell reactions are
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Figure 8 Interior section of a mercury battery.
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Because there is no change in electrolyte composition during operation—the overall cell reaction
involves only solid substances—the mercury battery provides a more constant voltage (1.35 V) than
the Leclanché cell. It also has a considerably higher capacity and longer life. These qualities make the
mercury battery ideal for use in pacemakers, hearing aids, electric watches, and light meters.
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The Lead Storage Battery
The lead storage battery commonly used in automobiles consists of six identical cells joined together
in series. Each cell has a lead anode and a cathode made of lead dioxide (PbO2) packed on a metal
plate (Figure 9). Both the cathode and the anode are immersed in an aqueous solution of sulfuric acid,
which acts as the electrolyte. The cell reactions are

Under normal operating conditions, each cell produces 2 V; a total of 12 V from the six cells is used to
power the ignition circuit of the automobile and its other electrical systems. The lead storage battery
can deliver large amounts of current for a short time, such as the time it takes to start up the engine.
Unlike the Leclanché cell and the mercury battery, the lead storage battery is rechargeable.
Recharging the battery means reversing the normal electrochemical reaction by applying an external
voltage at the cathode and the anode. The reactions that replenish the original materials are

Figure 9 Interior section of a lead storage battery. Under normal operating conditions, the concentration of the sulfuric
acid solution is about 38 percent by mass.
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The overall reaction is exactly the opposite of the normal cell reaction.
Two aspects of the operation of a lead storage battery are worth noting. First, because the
electrochemical reaction consumes sulfuric acid, the degree to which the battery has been discharged
can be checked by measuring the density of the electrolyte with a hydrometer, as is usually done at
gas stations. The density of the ﬂuid in a “healthy,” fully charged battery should be equal to or greater
than 1.2 g/mL. Second, people living in cold climates sometimes have trouble starting their cars
because the battery has “gone dead.” Thermodynamic calculations show that the emf of many
galvanic cells decreases with decreasing temperature. However, for a lead storage battery, the
temperature coefficient is about 1.5×10-4 V/°C; that is, there is a decrease in voltage of 1.5×10-4 V for
every degree drop in temperature. Thus, even allowing for a 40°C change in temperature, the decrease
in voltage amounts to only 6×10-3 V, which is about
6 × 10−3 𝑉
× 100% = 0.05%
12𝑉
of the operating voltage, an insignificant change. The real cause of a battery’s apparent breakdown is
an increase in the viscosity of the electrolyte as the temperature decreases. For the battery to function
properly, the electrolyte must be fully conducting. However, the ions move much more slowly in a
viscous medium, so the resistance of the ﬂuid increases, leading to a decrease in the power output of
the battery. If an apparently “dead battery” is warmed to near room temperature on a frigid day, it
recovers its ability to deliver normal power.
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The Lithium-Ion Battery
Figure 10 shows a schematic diagram of a lithium-ion battery. The anode is made of a conducting
carbonaceous material, usually graphite, which has tiny spaces in its structure that can hold both Li
atoms and Li+ ions. The cathode is made of a transition metal oxide such as CoO2, which can also hold
Li+ ions.
Because of the high reactivity of the metal, nonaqueous electrolyte (organic solvent plus dissolved
salt) must be used. During the discharge of the battery, the half-cell reactions are

The advantage of the battery is that lithium has the most negative standard reduction potential (see
Table 1) and hence the greatest reducing strength. Furthermore, lithium is the lightest metal so that
only 6.941 g of Li (its molar mass) are needed to produce 1 mole of electrons. A lithium-ion battery
can be recharged literally hundreds of times without deterioration. These desirable characteristics
make it suitable for use in cellular telephones, digital cameras, and laptop computers.

Figure 10 A lithium-ion battery. Lithium atoms are embedded in the graphite, which serves as the anode and CoO2 is the
cathode. During operation, Li+ ions migrate through the nonaqueous electrolyte from the anode to the cathode while
electrons ﬂow externally from the anode to the cathode to complete the circuit.

Fuel Cells
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The standard emf of the cell can be calculated as follows, with data from Table 1:
𝐸°𝑐𝑒𝑙𝑙 = 𝐸°𝑐𝑎𝑡ℎ𝑜𝑑𝑒 − 𝐸°𝑎𝑛𝑜𝑑𝑒 = 0.40 𝑉 − (−0.83𝑉) = 1.23𝑉
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Fossil fuels are a major source of energy, but conversion of fossil fuel into electrical energy is a highly
inefficient process. Consider the combustion of methane:
CH4 (g) + 2O2 (g) → CO2 (g) + H2 O(l) + energy
To generate electricity, heat produced by the reaction is first used to convert water to steam, which
then drives a turbine that drives a generator. An appreciable fraction of the energy released in the
form of heat is lost to the surroundings at each step; even the most efficient power plant converts
only about 40 percent of the original chemical energy into electricity. Because combustion reactions
are redox reactions, it is more desirable to carry them out directly by electrochemical means, thereby
greatly increasing the efficiency of power production. This objective can be accomplished by a device
known as a fuel cell, a galvanic cell that requires a continuous supply of reactants to keep functioning.
In its simplest form, a hydrogen-oxygen fuel cell consists of an electrolyte solution, such as potassium
hydroxide solution, and two inert electrodes. Hydrogen and oxygen gases are bubbled through the
anode and cathode compartments (Figure 11), where the following reactions take place:
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Figure 11 A hydrogen-oxygen fuel cell. The Ni and NiO embedded in the porous carbon electrodes are electrocatalysts.

Thus, the cell reaction is spontaneous under standard-state conditions. Note that the reaction is the
same as the hydrogen combustion reaction, but the oxidation and reduction are carried out separately
at the anode and the cathode. Like platinum in the standard hydrogen electrode, the electrodes have
a twofold function. They serve as electrical conductors, and they provide the necessary surfaces for
the initial decomposition of the molecules into atomic species, prior to electron transfer. They are
electrocatalysts. Metals such as platinum, nickel, and rhodium are good electrocatalysts.
In addition to the H2-O2 system, a number of other fuel cells have been developed. Among these is the
propane-oxygen fuel cell. The half-cell reactions are

The overall reaction is identical to the burning of propane in oxygen.
Unlike batteries, fuel cells do not store chemical energy. Reactants must be constantly resupplied, and
products must be constantly removed from a fuel cell. In this respect, a fuel cell resembles an engine
more than it does a battery.
Properly designed fuel cells may be as much as 70 percent efficient, about twice as efficient as an
internal combustion engine. In addition, fuel-cell generators are free of the noise, vibration, heat
transfer, thermal pollution, and other problems normally associated with conventional power plants.
Nevertheless, fuel cells are not yet in widespread use. A major problem lies in the lack of cheap
electrocatalysts able to function efficiently for long periods of time without contamination. The most
successful application of fuel cells to date has been in space vehicles.
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Corrosion is the term usually applied to the deterioration of metals by an electrochemical process. We
see many examples of corrosion around us. Rust on iron, tarnish on silver, and the green patina formed
on copper and brass are a few of them. Corrosion causes enormous damage to buildings, bridges,
ships, and cars.
The most familiar example of corrosion is the formation of rust on iron. Oxygen gas and water must
be present for iron to rust. Although the reactions involved are quite complex and not completely
understood, the main steps are believed to be as follows. A region of the metal’s surface serves as the
anode, where oxidation occurs:
Fe(s) → Fe2+ (aq) + 2e−
The electrons given up by iron reduce atmospheric oxygen to water at the cathode, which is another
region of the same metal’s surface:
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Corrosion
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O2 (g) + 4H + (aq) + 4e− → 2H2 O(l)
The overall redox reaction is
2Fe(s) + O2 (g) + 4H + (aq) → 2Fe2+ (aq) + 2H2 O(l)
With data from Table 1, we find the standard emf for this process:
𝐸°𝑐𝑒𝑙𝑙 = 𝐸°𝑐𝑎𝑡ℎ𝑜𝑑𝑒 − 𝐸°𝑎𝑛𝑜𝑑𝑒 = 1.23 𝑉 − (−0.44𝑉) = 1.67𝑉
Note that this reaction occurs in an acidic medium; the H1 ions are supplied in part by the reaction of
atmospheric carbon dioxide with water to form H2CO3.
The Fe2+ ions formed at the anode are further oxidized by oxygen:
4Fe2+ (aq) + O2 (g) + (4 + 2x)H2 O(l) → 2Fe2 O3 ∙ xH2 O(s) + 8H + (aq)
This hydrated form of iron(III) oxide is known as rust. The amount of water associated with the iron
oxide varies, so we represent the formula as Fe2O3∙xH2O.
Figure 12 shows the mechanism of rust formation. The electrical circuit is completed by the migration
of electrons and ions; this is why rusting occurs so rapidly in salt water. In cold climates, salts (NaCl or
CaCl2) spread on roadways to melt ice and snow are a major cause of rust formation on automobiles.

Figure 12 The electrochemical process involved in rust formation. The H1 ions are supplied by H2CO3, which forms when
CO2 dissolves in water.

Study corrosion of other metals from book

Electrolysis
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This process is a major source of pure sodium metal and chlorine gas.
Theoretical estimates show that the E° value for the overall process is about -4 V, which means that
this is a nonspontaneous process. Therefore, a minimum of 4 V must be supplied by the battery to
carry out the reaction. In practice, a higher voltage is necessary because of inefficiencies in the
electrolytic process and because of overvoltage.
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In contrast to spontaneous redox reactions, which result in the conversion of chemical energy into
electrical energy, electrolysis is the process in which electrical energy is used to cause a
nonspontaneous chemical reaction to occur. An electrolytic cell is an apparatus for carrying out
electrolysis.
Electrolysis of Molten Sodium Chloride
In its molten state, sodium chloride, an ionic compound, can be electrolyzed to form sodium metal
and chlorine. Figure 13(a) is a diagram of a Downs cell, which is used for large-scale electrolysis of
NaCl. In molten NaCl, the cations and anions are the Na+ and Cl- ions, respectively. Figure 13(b) is a
simplified diagram showing the reactions that occur at the electrodes. The electrolytic cell contains a
pair of electrodes connected to the battery. The battery serves as an “electron pump,” driving
electrons to the cathode, where reduction occurs, and withdrawing electrons from the anode, where
oxidation occurs. The reactions at the electrodes are
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Figure 13 (a) A practical arrangement called a Downs cell for the electrolysis of molten NaCl (m.p.=801°C). The sodium
metal formed at the cathodes is in the liquid state. Because liquid sodium metal is less dense than molten NaCl, the
sodium ﬂoats to the surface, as shown, and is collected. Chlorine gas forms at the anode and is collected at the top. (b) A
simplified diagram showing the electrode reactions during the electrolysis of molten NaCl. The battery is needed to drive
the nonspontaneous reactions.

(b)

Note that no net H2SO4 is consumed.
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(a)

Figure 14 (a) Apparatus for small-scale electrolysis of water. The volume of hydrogen gas generated (left column) is
twice that of oxygen gas (right column). (b) A diagram showing the electrode reactions during the electrolysis of water.
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Electrolysis of Water
Water in a beaker under atmospheric conditions (1 atm and 25°C) will not spontaneously decompose
to form hydrogen and oxygen gas because the standard free-energy change for the reaction is a large
positive quantity:
2H2 O(l) → 2H2 (g) + O2 (g)
ΔG° = 474.4Kj/mol
However, this reaction can be induced in a cell like the one shown in Figure 14a. This electrolytic cell
consists of a pair of electrodes made of a nonreactive metal, such as platinum, immersed in water.
When the electrodes are connected to the battery, nothing happens because there are not enough
ions in pure water to carry much of an electric current. (Remember that at 25°C, pure water has only
1 × 10−7M H+ ions and 1 × 10−7M OH- ions.) On the other hand, the reaction occurs readily in a 0.1M
H2SO4 solution because there are a sufficient number of ions to conduct electricity. Immediately, gas
bubbles begin to appear at both electrodes.
Figure 14b shows the electrode reactions. The overall reaction is shown below.
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Electrolysis of an Aqueous Sodium Chloride Solution
This is the most complicated of the three examples of electrolysis considered here because aqueous
sodium chloride solution contains several species that could be oxidized and reduced. The oxidation
reactions that might occur at the anode are

Referring to Table 1, we find

The standard reduction potentials of (1) and (2) are not very different, but the values do suggest that
H2O should be preferentially oxidized at the anode. However, by experiment we find that the gas
liberated at the anode is Cl2, not O2! In studying electrolytic processes, we sometimes find that the
voltage required for a reaction is considerably higher than the electrode potential indicates. The
overvoltage is the difference between the electrode potential and the actual voltage required to cause
electrolysis. The overvoltage for O2 formation is quite high. Therefore, under normal operating
conditions Cl2 gas is actually formed at the anode instead of O2.
The reductions that might occur at the cathode are

Reaction (5) is ruled out because it has a very negative standard reduction potential. Reaction (3) is
preferred over (4) under standard-state conditions. At a pH of 7 (as is the case for a NaCl solution),
however, they are equally probable. We generally use (4) to describe the cathode reaction because
the concentration of H+ ions is too low (about 1 × 10−7M) to make (3) a reasonable choice.
Thus, the half-cell reactions in the electrolysis of aqueous sodium chloride are

As the overall reaction shows, the concentration of the Cl- ions decreases during electrolysis and that
of the OH- ions increases. Therefore, in addition to H2 and Cl2, the useful by-product NaOH can be
obtained by evaporating the aqueous solution at the end of the electrolysis.

‼Self Study‼
Quantitative Aspects of Electrolysis (Calculations)
Electrometallurgy (Section 19.9)
1. Chang Example 19.8,19.9,

No assignment from this lecture
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The following Books are main textbooks that will be followed throughout the course
1. General Chemistry – The Essential Concepts, Raymond Chang and Jason Overby, 6th edition.
[Chapter 4 and 19]
2. General Chemistry, Darrell D. Ebbing and Stephen D. Gammon, 9th edition.
If you find the above books difficult, your HSC chemistry books may be handy at times.
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