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Chapter 11: Detailed Summary

Oxidations and Reductions
An oxidation-re-
duction reaction 
involves the trans-
fer of one or more 
electrons between 
two reactants. When 
sodium and chlorine 
react, for example, 
sodium atoms lose 
electrons to chlorine 
atoms. The sodium in 

this case is becoming oxidized (loses an electron) 
while the chlorine is becoming reduced (gaining an 
electron). The chlorine causes the sodium to lose 
an electron. Thus, the chlorine is behaving as an 
oxidizing agent. The sodium, meanwhile, is causing 
the chlorine to gain an electron. Thus, the sodium 
is behaving as a reducing agent. The acronym Oil 
Rig reminds us that oxidation is loss of an electron 
while reduction is gaining an electron.  Oxidation 
and reduction always occur together. You can’t have 
oxidation without an accompanying reduction—
one reactant will lose an electron only if another 
reactant is there to gain that electron.
 Electrons flow from a reducing agent to an 
oxidizing agent because the oxidizing agent pres-
ents a stronger effective nuclear charge. In a sense, 
the electrons are flowing “downhill,” thus they have 
kinetic energy. This energy of flowing electrons 
can be harnessed when the oxidizing and reduc-
ing agents are set up within a proper configuration, 
called a voltaic cell, where a buildup of charge is 
alleviated by a reverse flow of ions. A self-contained 
portable voltaic cell is called a battery. Within a bat-
tery the electrode where reduction (loss of electrons) 

occurs is called the cathode. The electrode where 
oxidation occurs (gain of electrons) is called the 
anode. Disposable batteries have relatively short 
lives because electron-producing chemicals are con-
sumed. The main feature of rechargeable batteries 
is the reversibility of the oxidation and reduction 
reactions.
 A fuel cell is like a battery except that the 
oxidizing and reducing agents are supplied from 
an external reservoir. A common fuel cell is the 
hydrogen-oxygen fuel cell in which hydrogen and 
oxygen gases are combined to produce electricity 
and steam. Fuel cells don’t run down so long as fuel 
is supplied. Originally developed for space vehicles, 
fuel cells are now being explored for applications in 
automobiles as well as an energy source for hand-
held electronic devices, such as cell phones.
 With photovoltaic cells, the energy of sun-
light can be converted directly to an electric current. 
This is done by taking advantage of the photoelec-
tric effect, in which the energy of sunlight is able to 
kick around the electrons within certain elements, 
such as silicon. Normally, the fast-moving electrons 
simply cause the silicon to become warmer. In a 
photovoltaic cell, however, silicon wafers are engi-
neered such that free electrons are forced through 
an electricity-yielding external circuit. There is much 
research dedicated to the development of a solar 
cell able to use the energy of sunlight to produce a 
fuel directly from common materials, such as water 
or even carbon dioxide. 
 A redox reaction can be used to generate 
electricity. Conversely, electricity can be used to 
force a redox reaction to occur. Under the right 
conditions, for example, electricity can be added 
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to water to form hydrogen and oxygen gas. The use 
of electrical energy to produce chemical change 
is called electrolysis. Electrolysis is used to gener-
ate metals, such as aluminum, from metal ores, 
such as bauxite, which contains aluminum oxide. 
Copper is also purified on an industrial scale through 
electrolysis.
 To convert the compounds of a metal ore to 
a metal requires an oxidation-reduction reaction. 
Metals on the left side of the periodic table have the 
greatest tendency to lose electrons, which means 
they form ions most readily. This also means that 
their metal ions are the most difficult to convert 
back into the metal form. Reducing these metal 
ions to the metal form, such as sodium ions back 
into sodium, is very energy-intensive and is usually 
done by way of electrolysis. Metal oxides, such as 
iron oxide, are reduced to metal within blast fur-
naces, where the source of electrons is carbon. Metal 
sulfides, such as copper sulfide, are roasted with 
oxygen, which causes the sulfur to release electrons 
back to the metal.
 

 One of the most common oxidizing agents 
is, you guessed it, oxygen. Located in the upper 
right-hand side of the periodic table, oxygen has 
a relatively strong effective nuclear charge, which 
attracts electrons. Corrosion is a process whereby a 
metal deteriorates, usually by reacting with atmo-
spheric oxygen. As iron rusts it transforms into iron 
oxide trihydate, Fe2O3 • 3 H2O, which flakes away, 
ruining the integrity of an iron structure. Corrosion 
can be prevented by coating a susceptible metal 
with zinc, which forms a water-insoluble protective 
coating of zinc oxide, ZnO. Alternatively, a corro-
sion-susceptible metal can be electroplated with 
an inert metal, such as chromium, Cr.
 Combustion is an oxidation-reduction reac-
tion between a nonmetallic material, such as wood, 
and molecular oxygen. Combustion reactions are 
characteristically exothermic (energy releasing). 
Examples include the burning of wood or fossil fuels. 
A special case of combustion, called respiration, 
occurs within animal organisms as food molecules 
react with oxygen to produce energy, water, and 
carbon dioxide.

Summary of Terms

Anode  The electrode where chemicals are oxidized.

Cathode  The electrode where chemicals are 
reduced.

Combustion  The rapid exothermic oxidation–
reduction reaction between a material and 
molecular oxygen.

Corrosion  The deterioration of a metal, typically 
caused by atmospheric oxygen.

Electrochemistry  The study of the relationship 
between electrical energy and chemical change.

Electrode  Any material that conducts electrons 
into or out of a medium in which electrochemical 
reactions are occurring.

Electrolysis  The use of electrical energy to produce 
chemical change.

Half reaction  One half of an oxidation–reduction 
reaction, represented by an equation showing elec-
trons as either reactants or products.

Oxidation  The process whereby a reactant loses 
one or more electrons.

Photoelectric Effect The ability of light to knock 
electrons away from atoms.

Reduction  The process whereby a reactant gains 
one or more electrons.

Steel Iron strengthened by small percentages of 
carbon.


