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Preface

This textbook is intended for a one-semester course in corrosion science at the graduate or advanced
undergraduate level. The approach is that of a physical chemist or materials scientist, and the text
is geared toward students of chemistry, materials science, and engineering. This textbook should
also be useful to practicing corrosion engineers or materials engineers who wish to enhance their
understanding of the fundamental principles of corrosion science.

It is assumed that the student or reader does not have a background in electrochemistry. However,
the student or reader should have taken at least an undergraduate course in materials science or
physical chemistry. More material is presented in the textbook than can be covered in a one-semester
course, so the book is intended for both the classroom and as a source book for further use.

This book grew out of classroom lectures which the author presented between 1982 and the
present while a professorial lecturer at George Washington University, Washington, DC, where he
organized and taught a graduate course on “Environmental Effects on Materials.” Additional material
has been provided by over 30 years of experience in corrosion research, largely at the Naval Research
Laboratory, Washington, DC and also at the Bethlehem Steel Company, Bethlehem, PA and as a
Robert A. Welch Postdoctoral Fellow at the University of Texas.

The text emphasizes basic principles of corrosion science which underpin extensions to practice.
The emphasis here is on corrosion in aqueous environments, although a chapter on high-temperature
oxidation has also been included. The overall effort has been to provide a brief but rigorous intro-
duction to corrosion science without getting mired in extensive individual case histories, specific
engineering applications, or compilations of practical corrosion data. Some other possible topics
of interest in the field of corrosion science have not been included in accordance with the goal to
keep the material introductory in nature and to keep the size of the book manageable. In addition,
references are meant to be illustrative rather than exhaustive.

Most chapters also contain a set of problems. Numerical answers to problems are found at the
end of the book.

Finally, the author wishes to recognize the various mentors who have graciously shaped his pro-
fessional life. These are: Dr. J. B. Horton and A. R. Borzillo of the Bethlehem Steel Corporation,
who introduced the author to the field of corrosion; the late Prof. A. C. Zettlemoyer of Lehigh
University, who taught the author the beauty of surface chemistry while his Ph. D. advisor; the late
Dr. Norman Hackerman, postdoctoral mentor at the University of Texas; the late Dr. B. F. Brown
and M. H. Peterson of the Naval Research Laboratory; and Prof. James P. Wightman of the Virginia
Polytechnic Institute and State University, a “surface agent extra-ordinaire” with whom the author
has spent an enjoyable and exciting sabbatical year.

The author is also grateful to Harry N. Jones, III, James R. Martin, Farrel J. Martin, Paul M.
Natishan, Virginia DeGeorgi, Luke Davis, Robert A. Bayles, and Roy Rayne, all of the Naval
Research Laboratory, who helped in various ways. The author also appreciates the kind assistance of
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A. Pourbaix of CEBELCOR (Centre Belge d’Etude de la Corrosion), C. Anderson Engh, Jr., M.D.
of the Anderson Orthopaedic Clinic, Alexandria, VA; Phoebe Dent Weil, Northern Light Studio,
Florence, MA; Erik Axdahl, and Harry’s U-Pull-It, West Hazleton, PA.

Finally, the author wishes to thank Dr. Kenneth Howell, Senior Chemistry Editor at Springer, for
his encouragement and support.

Washington, DC E. McCafferty
2009
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Chapter 1
Societal Aspects of Corrosion

We Live in a Metals-Based Society

Residents of industrialized nations live in metal-based societies. Various types of steel are used
in residential and commercial structures, in bridges and trusses, in automobiles, passenger trains,
railroad cars, ships, piers, docks, bulkheads, in pipelines and storage tanks, and in the construction
of motors. Aluminum alloys find a variety of uses ranging from aircraft frames to canned food
containers to electronic applications. Copper is used in water pipes, in electrical connectors, and in
decorative roofs. Chromium and nickel, to name just two more metals, are used in the production of
stainless steels and other corrosion-resistant alloys.

In addition, metals are also used in various electronic applications, such as computer discs,
printed circuits, connectors, and switches. Metals are even used in the human body as hip or knee
replacements, as arterial stents, and as surgical plates, screws, and wires. See Fig. 1.1.

Metals also find use as coins of daily commerce, in jewelry, in historical landmarks (such as
statues), and in objects of art.

There are 85 metals in the Periodic Table. Whatever be their end use, all common metals tend to
react with their environments to different extents and at different rates. Thus, corrosion is a natural
phenomenon and is the destructive attack of a metal by its environment so as to cause a deterioration
of the properties of the metal. Figure 1.2 shows an example of a harsh corrosive environment in
which the deck of an aircraft carrier is splashed and sprayed by seawater so that both the structural
metals and electronic components in the aircraft may suffer corrosion.

Why Study Corrosion?

There are four main reasons to study corrosion. Three of these reasons are based on societal issues
regarding (i) human life and safety, (ii) the cost of corrosion, and (iii) conservation of materials. The
fourth reason is that corrosion is inherently a difficult phenomenon to understand, and its study is in
itself a challenging and interesting pursuit.

These reasons are discussed in more detail below.

Corrosion and Human Life and Safety

On December 15, 1967, the “Silver Bridge” over the Ohio River linking Point Pleasant, West
Virginia, and Kanauga, Ohio, collapsed carrying 46 people to their deaths [3]. See Fig. 1.3. The
cause of the failure was due to the combined effects of stress and corrosion.

E. McCafferty, Introduction to Corrosion Science, DOI 10.1007/978-1-4419-0455-3_1, 1
© Springer Science+Business Media, LLC 2010
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Fig. 1.1 An artificial hip used in hip-replacement surgery [1]. Titanium alloys or alloys of cobalt—chromium—
molybdenum are currently used in artificial hips because these alloys resist corrosion in the human body. Figure
courtesy of Dr. C. Anderson Engh, Anderson Orthopedic Clinic, Alexandria, VA

Fig. 1.2 An example of a harsh corrosive environment [2], in which both the structural and electronic metals in the
aircraft will be subject to corrosion

On June 28, 1983, a 100-ft long section of a bridge span on a major US Interstate highway
collapsed [4]. Three people died and three more were seriously injured. The cause of the collapse
was due to the corrosion of a support pin.

On April 28, 1988, the cabin of a commercial airliner en route from Hilo to Honolulu, Hawaii,
suddenly disintegrated, and a flight attendant was tragically lost and 65 passengers were injured [5].
The cause of the problem was the combined effects of metal fatigue and corrosion.
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Fig. 1.3 On December 15, 1967, the Silver Bridge connecting Ohio and West Virginia over the Ohio River collapsed,
and 46 people lost their lives. The cause of the collapse was stress-corrosion cracking [3]

In February 2001, a nuclear power plant in Ohio was closed for routine maintenance; and a
“pineapple-sized hole” caused by corrosion was found in the reactor’s lid [6]. A report issued by the
Nuclear Regulatory Commission stated that the plant had been operating on the brink of a potentially
devastating nuclear accident.

In July 2005, a 50-ft pedestrian bridge at a shopping mall collapsed on top of a box truck, which
was demolished. (The collapse occurred after normal business hours, so no one was injured.) The
structural failure was attributed to the corrosion of large metal bolts which connected the bridge to a
parking garage and to the stores in the mall [7].

In December 2008, a massive water main break in suburban Washington, DC, unleashed a torrent
of water that forced dramatic rescues of trapped motorists [8]. This incident raised anew concerns
about the safety of the aging infrastructure in the United States.

These are but a few examples as to how corrosion can impact human life and safety. Other exam-
ples where safety is a primary concern involve the structural integrity of pipelines, storage tanks,
boilers, pressure vessels, and aircraft engines.

Of recent concern in the United States is the state of the nation’s aging infrastructure. There are
approximately 583,000 bridges in the United States, and 15% of these are structurally deficient due
to corroded steel or steel reinforcement [9].

In Washington, DC, in November 2007, a freight train crashed through a barrier and crossed
a railroad bridge which was supposed to be closed. Ten railroad cars were derailed, including six
which fell into the Anacostia River. A spokesman for the railway corporation said that “We have not
experienced this level of corrosion on a bridge this age” [10].

Another safety issue concerns the disposal of nuclear wastes. The United States plans to establish
a nuclear waste repository beneath a mountain at Yucca Mountain, Nevada. The nuclear wastes are
to be contained in casks of a nickel-based alloy, and the repository is to be free from radiation loss
for a period of 10,000 years. As of 2009, however, corrosion scientists and engineers were grappling
with the problem of predicting the extremely long-term corrosion resistance of the nickel alloy casks
at high temperatures and in the presence of chloride salts which could leach into rainwater passing
from the surface of the mountain to the underground repository [11].

A different safety issue is the buildup of certain toxic ions in solution due to corrosion. The cor-
rosion of chromium to produce Cr®* ions and the use of chromates as surface treatments to prevent
corrosion are issues of recent concern. Contamination of water piping systems by the corrosion of
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cadmium components in the water delivery system has also been under scrutiny. Galvanized steel
pipes (zinc coated) usually contain some cadmium as does the solder used to join them together
[12]. The toxic effect of dissolved lead ions in water pipes constructed of lead metal has long been
recognized and will be a potential problem as long as lead piping already in place continues in ser-
vice. In the winter of 2004, toxic levels of dissolved lead ions were found in the drinking water
in Washington, DC, homes which were serviced by lead pipes [13]. The problem arose from a
change in the water treatment procedure which inadvertently disturbed the protective oxide film
on lead, thus allowing the underlying metal to corrode and discharge lead ions into the drinking
water. Orthophosphates are being added to the water supply in order to re-form the protective oxide
film on the interior of the lead pipes.

Corrosion of water pipes constructed of copper can sometimes produce the phenomenon of dis-
colored “blue water” due to dissolved Cu?* ions [14, 15]. Concentrations of Cu?* in excess of 2 mg/L
can produce a bitter metallic taste.

Economics of Corrosion

In 1978 a comprehensive landmark study was carried out on the economic effects of metallic cor-
rosion in the United States [16]. The results of this study were that the total cost of corrosion in the
United States for the year 1975 was the staggering total of $70 billion or approximately 5% of the
Gross National Product for that year.

The figure of $70 billion now seems small compared to the results of a more recent study con-
ducted between 1999 and 2001 [9], which places the annual direct cost of corrosion in the United
States at $276 billion. This is approximately 3% of the Gross Domestic Product for the period of
study.

There have been various previous studies on the economic loss due to corrosion carried out at var-
ious times in various industrialized nations [17]. The results have always been consistent. Corrosion
consumes 3—5% of the Gross National Product of that particular nation.

The 1978 report divided the $70 billion cost of corrosion into avoidable costs and unavoidable
costs. Avoidable costs are those which could have been reduced by the application of available
corrosion control practices. Unavoidable costs are those which require advances in new materials
and in corrosion technology and control. The avoidable costs in the 1978 study were about 15% of
the total cost of $70 billion.

In addition, in the 1978 study, corrosion costs could be divided into direct costs and indirect costs.
The following are some examples of direct costs listed by Uhlig [18]:

1. Capital costs — cost of replacement parts, e.g., automobile mufflers, water lines, hot water heaters,
sheet metal roofs.

2. Control costs — maintenance, repair, painting.

3. Design costs — extra cost of using corrosion-resistant alloys, protective coatings, corrosion
inhibitors.

Examples of indirect losses are as follows [18]:

1. Shutdown — of power plants and manufacturing plants. (See the example of the nuclear power
plant mentioned earlier.)

A second example is provided by a widespread corrosion problem which occurred in August

2006 and forced a shutdown of an oil pipeline in Alaska [19]. Sixteen miles of pipeline had to be
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replaced. The oil leakage caused environmental damage and the pipeline closure sent the price of
oil higher.

2. Loss of product due to leakage — leakage of pipelines due to corrosion.

3. Contamination of product — In 1991, 100,000 residents of Northern Virginia were surprised to find
that sediment and rust from a temporary pumping station caused discoloration of their drinking
water [20]. Public officials claimed no health risks were involved, but the prospect of drinking
rusty water was unpleasant and disconcerting. Another example of contamination is provided by
food spoilage due to the corrosion of containers.

Corrosion and the Conservation of Materials

Corrosion destroys metals by converting them into oxides or other corrosion products. Thus, cor-
rosion affects the global supply of metals by removing components or structures from service so
that their replacement consumes a portion of the total supply of the earth’s material resources.
Environmentalists are interested in conserving our supply of metals not only to conserve minerals but
also to reduce the amount of solid materials at landfills or recycling centers. See Fig. 1.4. In addition,
extension of the service life of a metal product or component forestalls additional manufacturing or
processing, thus decreasing emissions of greenhouse gases.

Fig. 1.4 (Top) Corrosion of vintage US automobiles. (Bottom) A view on the storage, recycling, and reclamation of
used automobiles. Photographs courtesy of Harry’s U-Pull-It, West Hazleton, PA

There are two important issues concerning the world’s supply of metals. The first of these is the
question as to what total supplies of various metals (or their ores) actually exist in nature. Over the
past 30 years, there have been various assessments as to the earth’s reserves of important metal ores.
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Table 1.1 1975 and 1995 estimates of the global reserves of various metals

1975 Estimate of years of supply [19] 1995 Estimate of years of supply [20]

Aluminum 185 162

Iron 110 717

Nickel 100 43

Molybdenum 90 -

Chromium 64 -

Copper 45 22

Zinc 23 16

Selected results from two studies [21, 22] are given in Table 1.1, which shows that there is a finite
limited supply of the metals listed in the table.

Of course, these studies are estimates, and these estimates will change as new supplies of ores
are located, as the demand for a given metal changes, and as recycling efforts intensify. In addition,
prolonging the service lifetime through the development and use of more effective corrosion-resistant
alloys or improved corrosion control measures will stretch the supply of the earth’s natural resources.

A second issue regarding the world’s supply of metals is the geographical location of certain
ores and minerals. Industrialized nations (primarily the United States, western Europe, and Japan)
import 90-100% of their total requirements for chromium, cobalt, manganese, and platinum group
metals from additional sources [23]. These metals have been referred to as “critical materials.” The
largest use of chromium is in the manufacture of stainless steels; the largest use of cobalt is in
high-temperature alloys.

In order to develop a national self-reliance in regard to these critical materials, there is a continu-
ing interest in the development of new corrosion-resistant and oxidation-resistant alloys containing
substitutes for chromium and cobalt. This goal is a formidable challenge for corrosion scientists and
engineers, and research in this direction still continues.

In 2006, China announced that it plans to build strategic reserves of various minerals including
uranium, copper, aluminum, manganese, and others that the country urgently needs [24].

Finally, corrosion takes its toll on national landmarks, works of art, and historical artifacts
[25-27]. See Fig. 1.5. Preservation and restoration of these objects are an important part of material
conservation. For example, the Statue of Liberty was found to have suffered extensive corrosion in
the iron structure, which supports its copper skin as well as perforation of copper in the torch area
[27]. A massive restoration project was completed in 1986.

Despite all the problems with corrosion mentioned so far, corrosion is sometimes (but not usually)
good. Rust possesses an attractive reddish brown hue so that protective layers of rust can be attractive
in outdoor settings. Figure 1.6 is a photograph of an attractive rust-colored giant watering can, which
can be found in a garden center south of Alexandria, VA. More about the unusual beneficial aspects
of corrosion is given in Chapter 17.

The Study of Corrosion

In addition to the importance of corrosion discussed above, the study of corrosion is in itself a chal-
lenging and interesting pursuit. Corrosion science is an interdisciplinary area embracing chemistry,
materials science, and mechanics, as shown in Fig. 1.7. The study of aqueous corrosion processes
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Fig. 1.5 Details of the statue of Thomas Jefferson from the Washington Monument (1858), by Thomas Crawford and
Randolph Rogers, Virginia State Capitol, Richmond, VA, showing corrosion damage caused by industrial pollution.
Photograph courtesy of Phoebe Dent Weil, Northern Light Studio, Florence, MA

Fig. 1.6 Photograph of a rust-covered outdoor work of art near Alexandria, VA

involves the intersection of chemistry and materials science. But the science of mechanics must be
added to understand mechanically assisted corrosion processes, such as stress-corrosion cracking
and corrosion fatigue.
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Fig. 1.7 Various disciplines involved in corrosion science

Other relationships exist between the various disciplines, as shown in Fig. 1.7. A blend of mechan-
ics and materials science can address dry fracture processes, and mechanics and chemistry can study
chemico-mechanical processes such as adhesion and wear, among others. But again, the science of
chemistry must be included to understand environmentally assisted fracture, i.e., stress-corrosion
cracking and corrosion fatigue.

Corrosion Science vs. Corrosion Engineering

Corrosion science is directed toward gaining basic scientific knowledge so as to understand corrosion
mechanisms. Corrosion engineering involves accumulated scientific knowledge and its application to
corrosion protection. Ideally, corrosion science and corrosion engineering complement and reinforce
each other, but it has been the author’s observation that most workers in the field of corrosion settle
into one camp or the other. The most effective corrosionists are those who understand both the
science and the engineering of corrosion.
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Fig. 1.8 Schematic relationship between corrosion science and corrosion engineering and the large number of
variables which can be operative when corrosion occurs

Figure 1.8 shows schematically the relationship between corrosion science and engineering in
addition to pointing out the many various factors which can be present in any given situation. The
large number of possible various environments in which metals are used plus the large number of
possible metals which can be used (with or without protective coatings) plus the large number of pos-
sible specific conditions of use generate a very large number of individual case studies. Corrosion
science aids corrosion engineering by providing connections between various case studies. In addi-
tion, the understanding of corrosion mechanisms can lead to possible new corrosion-resistant alloys,
better surface treatments, and improved corrosion control measures.

This text emphasizes the corrosion science approach but will also include extensions to practice.

Challenges for Today’s Corrosion Scientist

Based partly on the introductory material in this chapter and partly on more detail to follow in
subsequent chapters, several important timely challenges to the corrosion scientist can be listed.
These are the following:

1. The development of protective surface treatments and corrosion inhibitors to replace inorganic
chromates, which are environmentally objectionable.

2. An improved conservation of materials through the development of corrosion-resistant sur-
face alloys which confine alloying elements to the surface rather than employing conventional
bulk alloying. (Initial research strides have been made in this direction, as will be seen in
Chapter 16).

3. The formulation of a new generation of stainless steels containing replacements for chromium
and other critical metals.

4. An improved understanding of passivity so as to use our fundamental knowledge to guide the
development of alloys having improved corrosion resistance.

5. Understanding the mechanism of the breakdown of passive oxide films by chloride ions and
subsequent pitting of the underlying metal.
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. The development of “smart” organic coatings which can detect a break in the coating and auto-

matically dispatch an organic molecule to the required site to both heal the coating and inhibit
corrosion.

. The ability to predict the lifetime of metals and components from short-term experimental

corrosion data.

It is suggested that the reader refer back to these challenges as he or she proceeds through this

text. Perhaps the reader can provide additions to this list.

Problems

. Examples of corrosion can be found in everyday life. Describe one example which you have seen.

Is this particular instance of corrosion primarily an example of wastage of materials, an economic
loss, or a safety issue? Or is this example a combination of some of these factors? Note: many
photographs of corrosion can be found on the Internet. If you are not familiar with an example of
corrosion, select one photograph from the Internet and then complete this problem.

. Based on your everyday experience, name one method of corrosion protection which you have

observed in use.

Ordinary garbage cans are often constructed from galvanized steel (a coating of zinc on steel).
What direct costs and indirect costs of corrosion are involved if you need to replace such a garbage
can with a similar one because your old one is no longer useable due to severe corrosion?

. Various studies on the annual cost of corrosion always conclude that corrosion amounts to 3-5%

of a nation’s Gross National Product, no matter in what year the study was undertaken. Does this
mean that corrosion science and engineering are not making any headway?

Note: Before answering this problem, ask yourself the following additional questions: (a) Can
you think of any industries which would not exist without the development of corrosion-resistant
alloys or corrosion control measures? (b) Are metals being required to perform in increasingly
severe environments? (Recall Fig. 1.2). (¢) Would you like your automobile to have a longer
lifetime before its paint system fails and is overtaken by rusting?

Refer to Fig. 1.8 which illustrates the interdisciplinary nature of corrosion. What additional
formal disciplines of study would be useful in expanding our knowledge of corrosion?
Increasing the corrosion resistance of a metal part or structure so as to make the metal piece last
longer is one way to conserve the earth’s supply of metals. What other practices can be undertaken
to help stretch our natural supply of metals?
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Chapter 2
Getting Started on the Basics

Introduction

What is Corrosion?

Corrosion is the destructive attack of a metal by its reaction with the environment. A more scientific
definition of corrosion will be given later in this chapter, but the description just provided is a good
working one. As seen in Chapter 1, there are very many different specific environments which are
possible, depending upon how the particular metal is used. The most general case is that in which
the environment is a bulk aqueous solution. For atmospheric corrosion, the aqueous solution is a
condensed thin-layer rather than a bulk solution, but the overall principles are, for the most part, the
same.

Note that the word “corrosion” refers to the degradation of a metal by its environment. Other
materials such as plastics, concrete, wood, ceramics, and composite materials all undergo dete-
rioration when placed in some environment; but this text will deal with only the corrosion of
metals.

The word “rusting” applies to the corrosion of iron and plain carbon steel. Rust is a hydrated ferric
oxide which appears in the familiar color of red or dark brown. See Fig. 2.1. Thus, steel rusts (and
also corrodes), but the non-ferrous metals such as aluminum, copper, and zinc corrode (but do not
rust). The term “white rust” is often used to describe the powdery white corrosion product formed on
zinc. The “white rusting” of sheets of galvanized steel (zinc-coated steel) is a frequent problem if the
sheets are stacked and stored under conditions of high relative humidity. Condensation of moisture
between stacked sheets will often lead to “white rusting”.

Physical Processes of Degradation

Metals may undergo degradation by physical processes which occur in the absence of a chemical
environment. Physical degradation processes include the following:

Fracture — failure of a metal under an applied stress.

Fatigue — failure of a metal under an applied repeated cyclic stress.

Wear — rubbing or sliding of materials on each other.

Erosion or cavitation erosion — mechanical damage caused by the movement of a liquid or the
collapse of vapor bubbles against a metal surface.

Radiation damage — interaction of elementary particles (e.g., neutrons or metal ions) with a
solid metal so as to distort the metal lattice.

E. McCafferty, Introduction to Corrosion Science, DOI 10.1007/978-1-4419-0455-3_2, 13
© Springer Science+Business Media, LLC 2010
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Fig. 2.1 An example of red rust showing the corrosion of a ship near the waterline. Photograph courtesy of James R.
Martin, Naval Research Laboratory, Washington, DC

Environmentally Assisted Degradation Processes

Each of the physical degradation processes above can be assisted or aggravated in the pres-
ence of an aqueous environment. Thus, corresponding to each of the degradation processes listed
immediately above are environmentally assisted counterparts, as given in Table 2.1. In each case,
metal degradation is intensified by the conjoint action of the physical process and the chemical

environment.

Examples of each of these environmentally assisted processes are also given in Table 2.1, and
more detail is provided in Chapter 11.

Table 2.1 Physical degradation processes and their environmentally assisted counterparts

Environmentally assisted
process

Example of environmentally- assisted
process

Fracture
Fatigue

Wear
Cavitation erosion

Radiation damage

Stress-corrosion cracking
Corrosion fatigue

Fretting corrosion
Cavitation corrosion

Radiation corrosion

Stress-corrosion cracking of bridge
cables, of landing gear on aircraft

Vibrating structures, such as aircraft
wings, bridges, offshore platforms

Ball bearings in chloride-contaminated oil

Ship propellers, pumps, turbine blades,
fast fluid flow in pipes

Increased susceptibility of stainless steels
to dissolution or to stress-corrosion
cracking [1, 2]
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Electrochemical Reactions
Corrosion is an electrochemical process. That is, corrosion usually occurs not by direct chemical

reaction of a metal with its environment but rather through the operation of coupled electrochemical
half-cell reactions.

Half-Cell Reactions

A half-cell reaction is one in which electrons appear on one side or another of the reaction as written.
If electrons are products (right-hand side of the reaction), then the half-cell reaction is an
oxidation reaction.
If electrons are reactants (left-hand side of the reaction), then the half-cell reaction is a reduction
reaction.

Anodic Reactions

The loss of metal occurs as an anodic reaction. Examples are

Fe(s) — Fe’*(aq) + 2¢~ 1)
Al(s) — AP (aq) + 3¢~ )
2Cu(s) + H,O(1) — CuyO(s) + 2HT (aq) + 2¢~ 3)

where the notations (s), (aq), and (1) refer to the solid, aqueous, and liquid phases, respectively. Each
of the above reactions in Egs. (1), (2), and (3) is an anodic reaction because of the following:

(1) A given species undergoes oxidation, i.e., there is an increase in its oxidation number.
(2) There is a loss of electrons at the anodic site (electrons are produced by the reaction).

These ideas are illustrated schematically in Fig. 2.2.
The following reaction is also an anodic reaction:

Fe(CN); ™ (aq) — Fe(CN); " (aq) + ¢~ )

Fe+?

O

Solution

\
| Fe U

Anodic reaction: Fe — Fe* + 2~

Fig. 2.2 Example of an anodic reaction — the dissolution of iron
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The oxidation number of the Fe species on the left, i.e., in the ferrocyanate ion, is +2, and the
oxidation number of Fe in the ferricyanate ion on the right is +3. Thus, there is an increase in

oxidation number. In addition, electrons are produced in the electrochemical half-cell reaction, so
Eq. (4) is an anodic reaction. By the same reasoning the following is also an anodic reaction:

Cr’*(aq) + 4H,0 — CrO; (aq) + 8H™(aq) + 3¢~ (5)
Although Eqgs. (4) and (5) are anodic reactions, they are not corrosion reactions. There is a charge
transfer in each of the last two equations, but not a loss of metal. Thus, not all anodic reactions are

corrosion reactions. This observation allows the following scientific definition of corrosion:
Corrosion is the simultaneous transfer of mass and charge across a metal/solution interface.

Cathodic Reactions

In a cathodic reaction

(1) A given species undergoes reduction, i.e., there is a decrease in its oxidation number.
(2) There is a gain of electrons at the cathodic site (electrons are consumed by the reaction).

An example of a cathodic reaction is the reduction of two hydrogen ions at a surface to form one
molecule of hydrogen gas:

2H+(aq) +2e¢~ — Ha(g) (6)

This is the predominant cathodic reaction in acidic solutions. See Fig. 2.3 for a schematic
representation of this reduction reaction.

Solution
| Fe

Cathodic reaction: 2H* + 2e- — H,

Fig. 2.3 Example of a cathodic reaction — hydrogen evolution on iron immersed in an acid solution

Another common cathodic reaction is the reduction of dissolved oxygen to hydroxyl ions, a
reduction reaction which occurs in neutral or basic solutions.

02(g) +2H,0 4+ 4¢~ — 40H™ (aq) (7)
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Coupled Electrochemical Reactions

On a corroding metal surface, anodic and cathodic reactions occur in a coupled manner at different
places on the metal surface. See Fig. 2.4, which illustrates this behavior for an iron surface immersed
in an acidic aqueous environment. At certain sites on the iron surface, iron atoms pass into solution
as Fe”* ions by Eq. (1). The two electrons produced by this anodic half-cell reaction are consumed
elsewhere on the surface to reduce two hydrogen ions to one H, molecule.

Fet2 H*

Solution \
W,

At anodic sites: Fe —+ Fe*? + 2e”
At cathodic sites: 2 H* + 2e~ — H,
Overall reaction: Fe +2 H*+ — Fe?2 +H,

Fig. 2.4 Coupled electrochemical reactions occurring at different sites on the same metal surface for iron in an acid
solution. The electrons lost by the oxidation of Fe atoms are consumed in the reduction of two H* ions to form
hydrogen gas (H»)

The reason that two different electrochemical half-cell reactions can occur on the same metal
surface lies in the heterogeneous nature of a metal surface. Polycrystalline metal surfaces contain an
array of site energies due to the existence of various crystal faces (i.e., grains) and grain boundaries.
In addition, there can be other defects such as edges, steps, kink sites, screw dislocations, and point
defects. Moreover, there can be surface contaminants due to the presence of impurity metal atoms
or to the adsorption of ions from solution so as to change the surface energy of the underlying metal
atoms around the adsorbate. Some of these effects are illustrated in Fig. 2.5.

Adsorbed
ion from
solution

/
= 407 el

Step

Missing atom

Impurity atom (vacancy)

Kink

Screw
dislocation

L/

Grain boundaries

Fig. 2.5 The heterogeneous nature of a metal surface showing various types of imperfections

Metal atoms at the highest energy sites are most likely to pass into solution. These high-energy
sites include atoms located at the edges and corners of crystal planes, for example. Stressed surfaces
also contain atoms that are reactive because they have a less stable crystalline environment. When a
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metal is cold worked or shaped, the metal lattice becomes strained, and atoms located in the strained
regions tend to go into solution more readily than do atoms in unstrained regions. Once the process of
metal dissolution process begins, a new energy distribution of sites is established. Then, the positions
of anodic and cathodic surface sites change randomly with time so that the overall effect is uniform
corrosion of the metal.

The overall chemical reaction is thus the sum of the two half-cell reactions. For the process shown
in Fig. 2.4

At the local anodes

Fe(s) — Fe’*(aq) + 2¢~ (D
At the local cathodes
2H" (aq) + 2¢~ — Ha(g) (6)

The overall reaction is the sum of these two half-cell reactions:

Fe(s) + 2H ' (aq) — Fe?*(aq) + Ha(g) (8)

Figure 2.4 illustrates the four conditions which are necessary for corrosion to occur. These are the
following:

(1) An anodic reaction

(2) A cathodic reaction

(3) A metallic path of contact between anodic and cathodic sites
(4) The presence of an electrolyte

An electrolyte is a solution which contains dissolved ions capable of conducting a current. The
most common electrolyte is an aqueous solution, i.e., water containing dissolved ions; but other
liquids, such as liquid ammonia, can function as electrolytes.

Figure 2.6 illustrates the coupled electrochemical reactions for an iron surface immersed in a neu-
tral or a basic aqueous solution. Figure 2.7 schematically shows the continuation of these reactions
en route to the formation of hydrated ferric oxide (rust).

A Note About Atmospheric Corrosion

The need for the presence of an electrolyte as a condition for corrosion to occur is illustrated
by the phenomenon of atmospheric corrosion, i.e., the corrosion of metals in the natural outdoor
atmosphere. Vernon [3] observed that a critical relative humidity exists below which atmospheric
corrosion is negligible and above which corrosion occurs. Figure 2.8 shows Vernon’s results for iron
exposed to water vapor containing 0.01% SO, [3]. It can be seen that the corrosion of iron occurs
above 60% relative humidity. (The critical relative humidity is typically 50-70% for most metals.)
The critical relative humidity is the condition where multimolecular layers of water vapor phys-
ically adsorb from the atmosphere onto the oxide-covered metal surface. (Physical adsorption
involves the accumulation of a gas or a liquid on a solid surface due to the secondary short-range
forces.) Oxide films on iron can contain various iron oxides, including Fe,Os3. Figure 2.9 shows
adsorption isotherms for water on a-Fe; O3 [4], in which it is seen that two or more layers of adsorbed
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Fe+2 Fe+2

Solution

l Fe

At anodic sites: 2[Fe(s) Fe? —» (aq) + 2¢7

At cathodic sites: O, (g) +2 H,0 (I) + 4e~ 4 OH — (aq)

Overall reaction: 2 Fe (s) + O, (g) + 2 H,O (1) —— 2Fe*2(aq) + 4 OH (aq)

Fig. 2.6 Coupled electrochemical reactions occurring at different sites on the same metal surface for iron in a neutral
or a basic solution

(a)
Fe*?(aq) *2 OH (aq) — Fe(OH), (s)

° @"_éo oé ° | Sotuen

2 Fe(OH),(s) + (x—1) H,0 (I) — Fe,04-x H,0 (s) + 2 H* (aq) + 2e-

Solution

Fe,O5 - x H,0O

ZZZ /Fe

Fig. 2.7 The continuation of reactions initiated in Fig. 2.6. (a) The precipitation of ferrous hydroxide on the iron
surface. (b) The conversion of ferrous hydroxide to a hydrated ferric oxide

water are formed at relative humidities greater than 60%. Thus, the thin layer of electrolyte required
for atmospheric corrosion to occur is provided at or above this critical relative humidity.

Secondary Effects of Cathodic Reactions

Cathodic reactions do not involve the loss of the metal substrate and thus are not per se corrosion
reactions. However, cathodic reactions are very important for two reasons. First, as seen above, the
cathodic reaction is coupled to the anodic reaction so that impeding the cathodic reaction will also
impede the anodic reaction. Similarly, accelerating the cathodic reaction will also accelerate the
anodic reaction.
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Fig. 2.8 Corrosion of iron in air containing 0.01% SO, after 55 days of exposure showing the effect of a critical
relative humidity (approximately 60%). Redrawn from Vernon [3] by permission of the Royal Society of Chemistry
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Fig. 2.9 Adsorption isotherms for water vapor on a-Fe, O3 [4] showing that multimolecular layers of adsorbed water
are formed at a relative humidity of 60% and higher

In addition, cathodic reactions may induce corrosion through secondary effects caused by the
products of the cathodic reaction. In stress-corrosion cracking (considered in Chapter 11), the nar-
row confines of the stress-corrosion crack limit the exchange of dissolved metal ions with the bulk
electrolyte, as shown in Fig. 2.10. Thus, metal cations, in this case Fe2* ions, accumulate within the
stress-corrosion crack and are then hydrolyzed to form hydrogen ions:

Fe’*(aq) + H,O(1) — FeOH ™ (aq) + H' (aq) )
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Limited exchange Fe (s)— Fe*? (aq) +2¢~

of bulk and local Fe*? (aq) + H,0 (I) — FeOH* (aq) + H* (aq)
electrolytes

Bulk
luti Crack
solution electrolyte Crack tip

H* (aq Hadsorbed

H H

adsorbed absorbed

Fig. 2.10 Crack tip reactions can produce hydrogen atoms available for migration into the metal at stressed regions
ahead of the crack tip

The local environment within the crack tip becomes acidified due to the production of hydrogen
ions. As discussed earlier, in acidic solutions, the major cathodic reaction is the reduction of hydro-
gen ions. Thus, hydrogen ions produced within the crack can be reduced to form hydrogen atoms
which adsorb on the metal surface:

H*(aq) + ¢~ — H(adsorbed) (10)

Some of these hydrogen atoms then migrate into the stressed region ahead of the crack tip (rather
than combining to form hydrogen gas). The presence of hydrogen atoms in stressed areas promotes
the growth of the stress-corrosion crack by the process of hydrogen embrittlement, as discussed in
Chapter 11.

In neutral or basic solutions, the major cathodic reaction is the reduction of dissolved oxygen,
as given by Eq. (7). Note that hydroxyl ions are produced by this cathodic reaction. In a thin-layer
electrolyte, such as that which exists in atmospheric corrosion, the continued production of OH™ ions
and their accumulation will cause an increase in the pH of the thin layer of solution. (See Problem
2.12 at the end of this chapter.) If the pH increases, i.e., the solution becomes more alkaline, then
the corrosion behavior of the underlying substrate can be altered. Aluminum, for example, has a low
corrosion rate at pH 7, but the corrosion rate increases dramatically with increasing pH, as shown in
Fig. 2.11 [5].

Three Simple Properties of Solutions

The pH is a measure of the acidity (or alkalinity) of a solution and is defined as

pH = —log[H"] = log (11)

1
[H']
where [H*] is the concentration of hydrogen ions in solution. Neutral solutions have a pH value
of 7.0, while acid solutions have pH values less than 7.0 and alkaline (basic) solutions have pH
values greater than 7.0. Most solutions have pH values between 0 and 14, but lower and higher
values are possible. (For example, the pH of 12 M HCl is —1.1.)
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Fig. 2.11 Aluminum has high corrosion rates for both acidic (low pH) and basic (high pH) solutions [5]. Reproduced
by permission of ECS — The Electrochemical Society

The concentration of hydrogen ions and of hydroxyl ions (OH™) in aqueous solutions are related
by the following equation:

Ky = [HT]J[OH ] =1.0 x 10714 (12)

where K, is called the ionization constant for water.
When an ionic solid (acid, base, or salt) dissociates into ions in solution:

ABy(s) = xA (aq) + yB* ™ (aq) (13)
the solubility product Kyp, is defined by
Ko = [AF] x [B*] (14)

where [AY*] and [B*"] are the concentrations of the dissolved ions. If the ion product [AY*]* [B*}
exceeds the tabulated value of Ky, then precipitation of solid AxBy occurs. Otherwise, precipitation
does not occur.

Example 2.1: The corrosion of aluminum produces Al** ions in solution. Write an expression for
the solubility product of aluminum hydroxide. If the concentration of AI** ions in solution is 1.0 x
107 M, will aluminum hydroxide precipitate at pH 9.0? The tabulated value for Kp for aluminum
hydroxide is 1.3 x 10733,

Solution: The equilibrium between AI(OH)3 and its ions is
Al(OH)5(s) = AIP*(aq) + 30H (aq)
and K, is given by

Ksp = [APT][OH
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where [AI>*] and [OH] are the concentrations in moles per liter of AI** and OH™, respectively.
AtpH 9.0

9.0 = —log[H™]

or [H*] = 1.0 x 10~ M. The concentration of OH" is then obtained from the following equation:

(1.0x 107)OH ] =1.0x 10714

or [OH ] = 1.0 x 1075. Then

[APTIOH™ ] = (1.0 x 107%)(1.0 x 107°)> = 1.0 x 102!

This product is much greater than K for aluminum hydroxide so that AI(OH); is precipitated under
the conditions given.

The Faraday and Faraday’s Law

As stated earlier, the process of corrosion involves simultaneous charge transfer and mass transfer
across the metal/solution interface.

The unit of charge is the coulomb, which is the product of the current and its time of passage. The
unit of mass is, of course, the gram, which can be obtained from the number of equivalents of metal
lost and the equivalent weight of the metal.

The link between charge transfer and mass transfer is the Faraday (F):

96,500C

F=———
equivalent

Faraday’s law states that the mass (w) of metal corroded is given by

ItA
W=

= (13)

where [ is the current in amperes, ¢ is the time in seconds, A is the atomic weight of the metal,
and 7 is the number of equivalents transferred per mole of metal. For example, n = 2 for the anodic
reaction

Fe(s) — Fez+(aq) + 2e”
whereas n = 3 for
Al(s) — AP (aq) + 3¢~
The various simple concepts associated with Faraday’s law are assembled for convenience in

Table 2.2. It should be noted that all Faraday’s law problems can be worked through by using simple
units analysis.
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Table 2.2 Useful information regarding Faraday’s law

. charge in coulombs
Current in amperes = —— X
time in seconds
96,500 C
There are ——— .
equivalent

n equivalents

For the anodic half-cell rection M — M"™, there are
mole M

Example 2.2: Plain carbon steel immersed in seawater has a uniform corrosion rate expressed as a
penetration rate of 5.0 mpy (mils per year, where 1 mil = 0.001 in.). The density of iron is 7.87 g/cm?.

The atomic weight of Fe is 55.8 g/mol.

(a) Calculate the weight loss after 1 year.

(b) Calculate the corresponding corrosion current density in microamperes per square centimeter

assuming that the corrosion current is given by
Fe —> Fe?T 4 2¢~

Solution: (a) The weight loss is given by

5.0mils’) /0.00lin (2.54cmY (7.87g\  0.10g
year mil in. em3 ) cm?year

(b) The corrosion current density is:

0.10¢g 1 year 1 day 1h I mol \ (2equiv (96,500C) (1.10 x 10~
cm? year / \ 356 days / \ 24h )\ 3600s /\55.8¢ mol equiv. ) s cm?

or

<1.10 X 10—5A> (1 X IO%A) _ 11pA

cm? A cm?

Units for Corrosion Rates

)

Common units for the corrosion current density include microamperes per square centimeter, mil-
liamperes per square centimeter, and amperes per square meter. Various units have been used when
the mass loss is the experimentally observed variable. These include grams per square centimeter per
day and mdd (milligrams per square decimeter per day). Sometimes the corrosion rate is given as a
uniform penetration rate. Units include ipy (inches per year), inches per month, and mpy (mils per
year, where 1 mil = 0.001 in.). The units millimeters per year and micrometers per year have also
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Table 2.3 Relative severity of corrosion rates

Corresponding corrosion current density from

Relative Corrosion Faraday’s law (in wA/cm?)

corrosion rate (mils per

resistance year, mpy) Aluminum? TronP Lead®
Outstanding <1 2.3 2.2 0.85
Excellent 1-5 2.3-12 2.2-11 0.84.3
Good 5-20 12-47 11-43 4.2-17
Fair 20-50 47-180 43-109 17-42
Poor 50-200 180-470 109-430 42-170
Unacceptable > 200 > 470 > 430 > 170

Al = APT + 3¢
bFe — Fe?t + 2¢~
°Ph — Pb2T + 2¢

been used. Collections of corrosion rate data are available for various metals and alloys in different
environments [6—10].

A compilation of corrosion rate data by NACE International [6] provides a qualitative ranking
of the severity of corrosion rates in terms of the units mils per year. See Table 2.3, which also lists
corresponding electrochemical corrosion rates in microamperes per square centimeter calculated
from Faraday’s law for aluminum (a light metal), iron (a transition metal), and lead (a heavy metal).
The electrochemical corrosion rate depends, of course, on the atomic weight of the metal and the
oxidation state of the metal ion, but in general, corrosion rates greater than about 100 pLA/cm2 are
considered unacceptable.

Rigorous metric units, such as nanometers per second, have not held wide appeal to corrosion
scientists or engineers.

Uniform vs. Localized Corrosion

There are two major types of corrosion: uniform corrosion and localized corrosion.
Uniform corrosion and three forms of localized corrosion are illustrated schematically in
Fig. 2.12.

In uniform corrosion, the metal is attacked more or less evenly over its entire surface. No portions
of the metal surface are attacked more preferentially than others, and the metal piece is thinned away
by the process of corrosion until the piece eventually fails. Examples include the corrosion of zinc in
hydrochloric acid and the atmospheric corrosion of iron or steel in aggressive outdoor environments.
In these cases, localized anodes and cathodes exist and operate as discussed earlier. However, the
positions of these localized anodes and cathodes change with time and “dance” all over the metal
surface so that the overall effect is that the metal is attacked uniformly. Figure 2.13 shows an example
of uniform corrosion.

In localized corrosion, local anodes and cathodes also exist, but their positions become fixed
so that corrosion proceeds on established portions of the metal surface. An example of localized
corrosion is seen in Fig. 2.14, which shows that corrosion is limited to certain fixed locations on
the metal surface. The three most prevalent forms of localized corrosion are (i) pitting, (ii) crevice
corrosion, and (iii) stress-corrosion cracking. In pitting, the metal is attacked at certain fixed sites
on the metal surface where the otherwise protective oxide film breaks down locally, usually due
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Fig. 2.12 Schematic representation of uniform corrosion (fop) and three different forms of localized corrosion

2.5 cm.

Fig. 2.13 The uniform corrosion of zinc after immersion in hydrochloric acid

to the action of chloride ions. In crevice corrosion, the metal within narrow clearances undergoes
localized attack. In stress-corrosion cracking, the combined action of an applied stress and a chemical
environment causes the initiation and propagation of cracks in the metal.
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‘4*13 inches —+

Fig. 2.14 An example of localized corrosion, showing a hole in an automobile muffler caused by the combined action
of hot exhaust gases, condensed moisture, and road spray consisting of water and de-icing salts. For an example of
localized corrosion on a much finer scale, see Fig. 10.43

Each of these three forms of localized corrosion shares the common feature that there is a geomet-
rical constraint on the system. In the case of pitting corrosion, the geometrical constraint is the cap
of corrosion products above the propagating pit. For crevice corrosion and stress-corrosion crack-
ing, the geometrical constraints are the narrow dimensions of the crevice or the crack itself. More
thorough discussions of these three types of localized corrosion are given in Chapters 10 and 11.

The Eight Forms of Corrosion

Fontana and Greene [11] have conveniently classified the various types of corrosion into eight forms.
The eight forms of corrosion are as follows:

(1) Uniform attack (or general corrosion)

(2) Crevice corrosion

(3) Pitting

(4) Stress-corrosion cracking

(5) Galvanic corrosion (two metal corrosion)
(6) Intergranular corrosion

(7) Selective leaching (dealloying)

(8) Erosion corrosion

We have already mentioned four of these forms in the previous section of this chapter. More
details on uniform corrosion are given in Chapters 6, 7, and 8, crevice corrosion and pitting are
discussed further in Chapter 10, and stress-corrosion cracking is considered in Chapter 11.

Galvanic corrosion occurs when two metals are in mechanical or electrical contact. In a corrosive
environment, one of the metals acts as an anode and undergoes corrosion, while the second metal acts
as a cathode and remains unattacked. Galvanic corrosion is discussed in more detail in Chapter 5.

Intergranular corrosion is the pronounced localized attack that occurs in narrow regions at or
immediately adjacent to grain boundaries of an alloy. Type 304 stainless steel (which contains 18%
Cr and 8% Ni as well as small amounts of carbon) is subject to intergranular corrosion if the stainless
steel is heated to the temperature range of 425-790°C (and then cooled). The stainless steel is said
to be sensitized and is susceptible to intergranular corrosion. During sensitization, carbon diffuses to
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Chromium carbide

Bulk grain
(18% Cr)

Cr-depleted zone
(< 12% Cr)
(subject to attack)

Grain boundary

Fig. 2.15 Schematic representation of sensitized stainless steel. After Myers [12]. Chromium-depleted zones adjacent
to grain boundaries are susceptible to intergranular corrosion

the grain boundaries where it combines with chromium to form chromium carbide precipitates (such
as Cryp3Cg). This process depletes chromium from the areas in and adjacent to the grain boundaries so
that these regions locally contain less than the 12% Cr required for a stainless steel. Thus, localized
corrosion occurs in certain aqueous environments in the form of intergranular corrosion, as depicted
in Fig. 2.15.

Selective leaching or dealloying is the preferential removal of one element from a solid alloy by
corrosion. Examples include the preferential removal of zinc from copper zinc alloys (dezincifica-
tion) and the preferential removal of iron from gray cast iron (graphitic corrosion) [11]. (Gray cast
iron contains carbon in the form of graphite.)

Erosion—corrosion is caused by the mechanical action provided by the movement of a corrosive
liquid against the metal surface. This form of corrosion is discussed further in Chapter 11.

Problems

1. Are the following degradation processes strictly physical processes or do they also involve an
environmentally assisted component?

(a) The cleaning of a metal piece by sandblasting.

(b) Damage to the interior of a pipeline used to transport an abrasive slurry of coal.

(c) The deterioration of steel reinforcing bars in concrete bridges.

(d) The fracture of an artificial hip constructed of an alloy of cobalt and chromium when in
service in the human body.

2. When pure zinc undergoes corrosion in aerated hydrochloric acid, what is the anodic half-cell
reaction? Which cathodic half-cell reactions are possible? What is the overall reaction in each
case?

3. Type 430 stainless steel is an alloy of iron and chromium. Suppose that this alloy is used in
flowing seawater (pH 8.0) which contains dissolved oxygen. Write the possible anodic half-cell
reactions. What is the cathodic half-cell reaction?

4. The corrosion of copper in water occurs by the reaction

2Cu(s) + O4(g) + 2H,0(1) — 2Cu**(aq) + 4OH (aq)

(a) Separate this overall reaction into its two half-cell reactions.
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(b) If the concentration of dissolved Cu?* jons is 0.001 M and the pH is 9.0, would the
following reaction occur?

Cu’*(aq) + 20H " (aq) — Cu(OH),(s)

The solubility product for Cu(OH); is Kp = 2.2 X 10720,
(c) When the reaction in (b) is at equilibrium, what is the effect of decreasing the pH on the
precipitation reaction? (HINT: recall Le Chatelier’s principle.)

5. (a) Derive an expression to convert the corrosion rate in grams per square decimeter per day to
the corrosion rate in mils per year (1 mil = 0.001 in). The correct expression will contain the
density of the metal. (b) Then derive a second expression to convert the corrosion rate in mils
per year to the corrosion rate in millimeters per year.

6. The weight loss of an aluminum alloy corroding in a solution of hydrochloric acid was observed
to be 0.250 g/cm? after an 8 h immersion period [13]. What is the corresponding anodic current
density in milliamperes per square centimeter, assuming that all the corrosion is due to the
following anodic half-cell reaction:

Al = APt + 3¢~

The atomic weight of Al is 26.98 g/mol.

7. In a short-term laboratory test, the corrosion rate of nickel in boiling 10% phosphoric acid was
observed to be 154 mils/year [14] (1 mil = 0.001 in.). The density of nickel is 8.90 g/cm® and
its atomic weight is 58.7 g/mol.

(a) What is the mass loss per square centimeter after a 1 h immersion period?
(b) What is the corrosion current density in milliamperes per square centimeter?

8. Electronic materials corrode in the presence of condensed water vapor and atmospheric pol-
lutants. The corrosion rate of gold was measured to be 435 mg/m? day in an environment
consisting of 95% relative humidity and SO, and NO; pollutants [15]. The atomic weight of
gold is 197.0 g/mol and its density is 19.3 g/cm?.

(a) What is the corresponding corrosion current density in amperes per square meter for the
following anodic reaction:

Au — AT +3e”

(b) What is the penetration rate in millimeter per year?
(c) Based on the penetration rate calculated above, how long will it take to corrode through a
gold film which is 0.5 mm in thickness?

9. A warehouse is to be constructed in an industrial city near the seacoast. The roof of the ware-
house is to be built of sheets of galvanized steel (an outer coating of zinc on an underlying steel
substrate). The outdoor atmosphere near the warehouse contains SO; gas and airborne salt par-
ticles. When water vapor condenses on the roof, a thin layer of an electrolyte which contains
mixed SO42~ and CI- will form. The roof will corrode by the reaction

Zn — Zn*t + 2e”
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10.

11.

12.

13.

14.

2 Getting Started on the Basics

Suppose that you have made a chemical analysis of condensed electrolytes in this geograph-
ical region and can simulate the condensate with a bulk electrolyte having the appropriate
concentrations of SO42~ and CI-. In your laboratory you measure the steady-state corrosion
rate of Zn in this electrolyte to be 0.50 pwA/cm?. Galvanized roofs are expected to last 20
years before they are replaced. What is the minimum thickness in mils of zinc coating that is
required for this roof to last 20 years? The atomic weight of Zn is 65.4 g/mol, and its density is
7.14 glem?.

If metallic iron in an aqueous solution corrodes at the rate of one atomic layer per
second, what is the corrosion current density in milliamperes per square centimeter
corresponding to:

Fe — Fe?T + 2¢~

The radius of an iron atom is 0.124 nm.

If zirconium and hafnium each separately have the same corrosion current density in a given
corrosive environment, which of the two metals will suffer the greater weight loss? Explain or
show why. Assume that

Zr — Ze*t 4+ 4e”

Hf — Hf*t +4e”

In the atmospheric corrosion of aluminum, suppose that the cathodic reduction of oxygen
Oy 4+ 2H,0 + 4e~ — 40H™

occurs for a period of 48 h at a current density of 25 jLA/cm? in a thin electrolyte film which is
165 pm in thickness [16]. What is the resulting pH in this thin layer of electrolyte if the total
electrode area is 2.0 cm?? If the initial pH was 7.0, would you expect the final pH to cause a
change in the corrosion rate? Answer this question by referring to Fig. 2.11.

Walk around your campus or drive around your town or locality and identify three instances of
corrosion. Describe what you see. Is each individual instance an example of uniform corrosion
or of localized corrosion?

The occurrence of anodic and cathodic sites on the same surface can be demonstrated by the
following experiment [17]. In a small petri dish containing a 3% NaCl solution, immerse a plain
iron nail which has been thoroughly cleaned with abrasive paper just prior to its immersion.
Add 5 ml of 5% potassium ferricyanide solution and 1 ml of a 1% phenolphthalein solution
in alcohol. When anodic areas develop on the nail, they will appear as a blue color. The blue
color reveals the presence of ferrous ions. Cathodic areas which produce hydroxyl ions, as per
Eq. (7), will give a red color in the presence of the acid—base indicator phenolphthalein.

(a) On what part of the nail do the anodic areas appear? Explain why they appear at that
location.

(b) Suppose that the nail is bent in half before immersion. Would the bent part of the nail
produce anodic or cathodic regions? Explain your answer.
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Add 5 ml. of
5% potassium ferricyanide
Add 1 ml. of
1% phenolphthalein
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Chapter 3
Charged Interfaces

Introduction

Interfaces form at the physical boundary between two phases, such as between a solid and a liquid
(S/L), a liquid and its vapor (L/V), or a solid and a vapor (S/V). There can also be interfaces between
two different solids (S1/S2) or between two immiscible liquids (L/L;). This chapter will consider
two special interfaces, the solution/air interface and the metal/solution interface. A brief discus-
sion of the solution/air interface is useful in pointing out some general properties of interfaces. The
metal/solution interface is, of course, of paramount interest to the study of corrosion.

This chapter shows how a potential difference originates across a metal/solution interface and
discusses the concept of the electrode potential for use in subsequent chapters.

Electrolytes

The Interior of an Electrolyte

An electrolyte is a solution which contains dissolved ions capable of conducting a current. The
interior of an electrolyte may consist of a variety of charged and uncharged species.
Consider an aqueous solution which contains the following species:

(1) HpO molecules

(2) Nat ions

(3) Cl™ ions

(4) Organic molecules (which may be present as impurities, biological entities, or may be
intentionally added as a corrosion inhibitor).

In a single water molecule, the angle between the two O-H bonds is 105°, and the oxygen atom
is more electronegative than the hydrogen atom, so the oxygen end of the molecule contains a partial
negative charge. Thus, the water molecule is a dipole, as represented by the vector shown in Fig.
3.1(a). In the interior of liquid water, water molecules are oriented randomly in all directions at any
given time, as shown diagrammatically in Fig. 3.1(b). Thus, there is no net electrical field in the
interior of liquid water.

In a sodium chloride solution, the electrolyte contains an equal concentration of Na* ions and
CI™ ions. In any volume element of solution, there is an equal number of positive and negative ions,
and these ions are randomly distributed, as shown in Fig. 3.2. Moreover, these ions are in constant
motion migrating through the solution in a random walk. Thus, there is no net charge within any
volume element of solution due to the existence of dissolved ions.

E. McCafferty, Introduction to Corrosion Science, DOI 10.1007/978-1-4419-0455-3_3, 33
© Springer Science+Business Media, LLC 2010
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Fig. 3.1 (a) The water dipole. (b) In the bulk, liquid water consists of an array of randomly oriented dipoles, so the
net charge is zero

Spaces between ions are occupied by water
/ molecules, but as shown previously, the net

charge due to H,O dipoles is zero.

In any volume element, there is an equal number
of positive and negative charges, so that the net
charge due to the presence of ions is zero.

Fig. 3.2 A volume element of sodium chloride solution showing the distribution of ions

This statement needs to be examined more carefully by considering the character of water
molecules in ionic solutions. Water molecules in the immediate vicinity of positive or negative
ions are attracted toward the charge on the ion. The charge on the ion orients these nearest water
molecules with the appropriate end of the dipole pointing toward the ion, as shown in Fig. 3.3. Due
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O

S
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Fig. 3.3 Primary waters of hydration for (a) Na* ion, (b) C1~ anion. Primary hydration numbers are from Bockris
and Reddy [1]

(

to these ion—dipole forces, a certain number of water molecules become attracted to the central
ion. Such water molecules are called primary waters of hydration, and their number usually varies
from 1 to 5, depending on the specific ion. Located just outside the primary sheath of oriented water
molecules is a secondary region of partially ordered water molecules, called secondary waters of
hydration, which balance the localized oriented charge which has developed in the primary water
sheath. Thus, the overall effect of ionic hydration is that there is no net charge due to ionic hydra-
tion. It can easily be shown that the number of water molecules located in primary water sheaths is
a very small percentage of the total number of water molecules in solution. See Problem 3.1 at the
end of this chapter.

Outside the region of hydration, the “spaces” between dissolved ions are occupied by bulk water
molecules, but we have already established above that there is no net charge for a random distribution
of water dipoles. The same situation exists in the bulk of an aqueous solution, so there is no net charge
in the interior of an electrolyte due to the existence of water dipoles.

Organic molecules dissolved in solution usually contain functional groups, such as —COOH,
which assist in their solubility. Proteins, for instance, contain both —-COOH and -NH groups.
Suppose that the molecule CH3(CH>)19COOH (dodecanoic acid) is contained in solution. Decanoic
acid is a weak acid, so in aqueous solution, not all molecules completely ionize, but a certain fraction
of the dissolved molecules dissociate into hexanoate ions and protons:

CHj3 (CH») ;o COOH(aq) = CH3(CH3);0COO ™ (aq) + H™
The ions produced by this dissociation are free to migrate throughout the solution, and they dis-

tribute themselves in a random fashion so that the dissolved organic molecule does not impart any
localized charge to the interior of the electrolyte.

Interfaces

Encountering an Interface

Eventually an aqueous solution must terminate in a boundary with another phase. This common
boundary is called an interface. In an aqueous solution contained in a laboratory beaker or a test
cell, one interface is with the vapor phase above the solution, i.e., the solution/air interface. Even
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enormous volumes of solution terminate in interfaces. For example, the ocean, which is 35,840 ft
(10,924 m) at its deepest level, forms an interface with air at its uppermost level.

The natural world is composed of a variety of interfaces. These include liquid/vapor, liquid/liquid,
solid/liquid, solid/vapor, and solid/solid interfaces. The interface of major interest to us is the
metal/solution interface. This interface will be treated in more detail after solution/air interfaces
are first considered.

The Solution/Air Interface

The properties of a surface region are different than the properties of the bulk. In the bulk of a
solution, each ion or molecule is surrounded in all directions by other ions or molecules so that
their time-averaged arrangement is the same throughout the interior of the solution. At the surface,
however, ions or molecules do not have neighbors distributed in all directions. Figure 3.4 illustrates
the situation for a water/air interface. Water molecules exist in the vapor part of the interface due to
the vapor pressure of liquid water, but the concentration of these gaseous water molecules is much
less than the concentration of water molecules in the liquid. Thus, there is an imbalance of forces for
molecules located in the surface region. This unbalance results in a net force inward into the liquid,
and this net inward force is the origin of the surface tension of the liquid.

lz Weak attractive forces
Air I

" @GO |

Net attractive force
inward

Fig. 3.4 Water molecules at the water/air interface and the origin of surface tension

A similar situation exists for aqueous solutions. With a sodium chloride solution, for example,
there is a complete absence of Na* or Cl™ions in the vapor-phase component of the interface. Thus,
water molecules near the surface interact not only with interior water molecules in the bulk solution
but also with interior Na* and C1~ ions. The net result is that the surface tension of sodium chloride
solutions and other strong electrolytes increases slightly with the concentration of the dissolved
salt [2].

Because surface ions and molecules experience different chemical neighborhoods than those
located in the bulk, there can be a tendency for certain species in solution to preferentially accu-
mulate (i.e., adsorb) near the interface. Such “surface-active” species serve to reduce the surface
tension of the solution, as shown in Fig. 3.5. (For a liquid, the surface tension is identical to the
surface free energy. The concept of free energy is discussed further in Chapter 4.) There is no exper-
imental evidence to suggest that either Na* or C1~ ions are surface active. However, certain organic
molecules such as carboxylic acids, amines, and alcohols are indeed surface active.

Figure 3.6 illustrates the random orientation for CH3(CH;);0COOH molecules dissolved in the
bulk of the solution. The zigzag portion of the molecules represents the non-polar hydrocarbon tail.
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Concentration of organic molecule

Fig. 3.5 Reduction in the surface tension of a solution by a dissolved surface-active agent (schematic)
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Fig. 3.6 Orientation of CH3(CH»);0COOH molecules at the solution/air interface and the formation of an electrical
double layer

At the surface, however, the —COO™ polar head group is hydrophilic and is located in the aqueous
side of the interface. The non-polar hydrocarbon tail extends outward into the gaseous phase. These
surface-active molecules form an oriented layer one molecule in thickness (a monolayer).

It can be seen that an oriented monolayer of a carboxylic acid at an interface, as shown schemati-
cally in Fig. 3.6, produces an accumulation of negative charges at the aqueous side of the solution/air
surface. This array of negative charges is balanced in solution by nearby positive H* counterions,
and the effect is to establish an electrical double layer at the solution/air interface.

The Metal/Solution Interface

Immersion of a metal into a solution creates another type of interface, the metal/solution interface.
This interface is much more complicated than the solution/air interface for several reasons.
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First, the metal is a conductor of electricity. By connecting external leads to the metal (without
immersing these leads into the aqueous solution) and then connecting the metal under study to an
external device, we can supply electrons to the metal side of the metal/solution interface, or we can
extract electrons from the metal side of the interface. Thus, the metal side of the interface can be
charged negatively or positively, respectively.

Second, chloride ions (and other inorganic anions) which are not surface active at solution/air
interfaces are adsorbed at metal/solution interfaces.

Third, the water molecule itself is adsorbed at metal/solution interfaces. Moreover, the water
molecule being a dipole is oriented at the interface, as shown in Fig. 3.7.

Metal | Solution
—| He

w7

S

Metal | Solution

0}

~H
(6]

H

S

Fig. 3.7 The orientation of water molecules at a metal/solution interface. Top: the “flop-down” orientation of the
water dipole. Bottom: the “flip-up” orientation [3]

+ + +

Fourth, the metal/solution interface is not always a stable one. If the metal corrodes, then the
interface is neither chemically nor geometrically stable. Under freely corroding conditions, the metal
surface supports both local anodic and local cathodic processes, as discussed in Chapter 2. Under
these conditions, the metal/solution interface is a hubbub of activity.

Metal Ions in Two Different Chemical Environments

Metals contain closely packed atoms which have strong overlap of electrons between one another. A
solid metal therefore does not possess individual well-defined electron energy levels as are found in
a single atom of the same material. Instead a vast number of molecular orbitals exist which extend
throughout the entire metal, and there is a continuum of energy levels. The electrons can move freely
within these molecular orbitals, and so each electron becomes delocalized from its parent atom. The
situation is sometimes described as an array of positive ions in a Fermi sea of electrons, as depicted
in Fig. 3.8.

The process of corrosion may be thought of as the transfer of a positive ion from the metal lattice
into solution. In the metal lattice, the positive ion is stabilized by the Fermi sea of electrons. In
solution, the positive ion is stabilized by its water of hydration. This idea is illustrated schematically
in Fig. 3.9. To effect this transfer, however, the positive ion must pass outward through the electrical
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Fig. 3.8 Schematic illustration of valence electrons for 1 Mg atom, 4 Mg atoms, and the Fermi sea of delocalized
electrons for solid magnesium metal

Metal ‘ Solution

—
In solution, a Mg*2ion is

stabilized by its primary
waters of hydration.

In the solid metal, a Mg*?ion
core is stabilized by the Fermi
sea of electrons.

Fig. 3.9 Stability of a Mg?* ion in two different environments

double layer which exists at the metal/solution interface. Anions, such as ClI~, which can assist this
process, must travel from the solution and enter the electrical double layer to interact with the metal
surface.

The Electrical Double Layer

The electrical double layer is an array of charged species which exist at the metal/solution interface.
The metal side of the interface can be charged positively or negatively by withdrawing or providing
electrons, as seen in Chapter 2. The charge on the metal side of the interface is balanced by a
distribution of ions at the solution side of the interface. Our view of the electrical double layer
has evolved through the development of various models, as discussed below.
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The Gouy—Chapman Model of the Electrical Double Layer

Figure 3.10 shows a metal having a positive charge, which is partially balanced in solution by a
diffuse layer of negative ions. In this diffuse layer (called the diffuse part of the double layer), ions
are in thermal motion, but there is an overall increase in the concentration of negative ions within
this layer so as to partly balance the positive charge on the metal side of the interface. This view of
the electrical double layer is called the Gouy—Chapman model.

O
O,

Metal | Solution

©

Fig. 3.10 The Gouy—Chapman model of the electrical double layer at a metal/solution interface
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The Electrostatic Potential and Potential Difference

As seen in Fig. 3.10, there is a net charge within the diffuse part of the electrical double layer.
This is in marked contrast to the interior of the solution, which, as shown earlier, does not exhibit a
net charge. This difference in local chemical environments leads to the concept of the electrostatic
potential.

The electrostatic potential (at some point) is the work required to move a small positive unit
charge from infinity to the point in question. This is a thought experiment for which

(1) the positive test charge is small enough not to perturb the existing electrical field;
(2) the work involved is independent of the path taken.

The potential difference (between two points) is the work required to move a small unit positive
charge between the two points, as shown in Fig. 3.11. The potential difference, PD, between A and
B is given by

PDga = ¢ — éa (D

where ¢p and ¢ are the electrostatic potentials at points B and A, respectively. The potential
difference, PD, has the units of joules per coulomb, or volts.

In Fig. 3.10, suppose that a unit positive test charge travels from some point A in the interior of
the electrolyte, which is neutral in charge, to some point B within the diffuse double layer, where
there is a net charge. There is a potential difference between the two points, and it is the electrical
double layer which gives rise to this potential difference.
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Fig. 3.11 A positive unit test charge and the definition of a potential difference

The Stern Model of the Electrical Double Layer

The Stern model takes into account adsorption of anions or cations at the metal surface.
Figure 3.12 shows the case for the adsorption of anions. The distance of closest approach of the ion is
its radius, and the plane through the center of these adsorbed ions is called the Helmholtz plane. The
excess charge at the metal surface is balanced in part by ions located in a Gouy—Chapman diffuse
double layer, which exists outside the Helmholtz plane.

A typical potential difference across the Helmholtz plane is of the order of 1 V. The thickness
of the Helmholtz layer is about 10 A (1 A = 1078 cm). This amounts to a field strength of 1 x
107 V/cm. This is a very high field strength and is, of course, the consequence of having a localized
charge confined within the narrow region of the interface.

@Q@@
: @05
) @®

Gouy—Chapman layer

Inner Helmholtz plane

Fig. 3.12 The Stern model of the electrical double layer at a metal/solution interface
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The Bockris—Devanathan—Miiller Model of the Electrical Double Layer

The Bockris—Devanathan—Miiller model is the most recent and most rigorous model of the elec-
trical double layer [4]. This model of the electrical double layer retains all the features of the Stern
model and in addition embraces two important considerations.

First, this model takes into account the adsorption of water molecules at the metal/solution inter-
face. For a positive charge on the metal side of the interface, water molecules are oriented with the
negative ends of their dipoles toward the metal surface, as shown in Fig. 3.13. This model recognizes
that water molecules and ions in solution compete for sites on the metal surface. The adsorption of
the chloride ion, for example, may be considered a replacement reaction in which CI~ ions replace
water molecules adsorbed at the metal/solution interface. The plane through the center of these
adsorbed ions is called the inner Helmholtz plane in this model.

——— Layer of oriented water

GO0

Metal ~ Hydrated cation

®
O

®
"“ Adsorbed anion

i~— Outer Helmholtz plane

+ 4+ + + + + + +

Nolo'gyoegye

“— Inner Helmholtz plane

Guoy-Chapman
i diffuse layer

Distance from surface

Fig. 3.13 The Bockris—Devanathan—Miiller model of the electrical double layer at a metal/solution interface [4]

The second added feature of this model is that the charge introduced by the adsorption of anions
at the metal surface is balanced in part by counterions of the opposite charge. These counterions are
not adsorbed on the metal surface, but exist in solution, and have associated with them their waters
of hydration. The plane through the center of these counter ions is called the outer Helmholtz plane.

According to the Bockris—Devanathan—Miiller model, water molecules adsorbed at the
metal/solution interface have a dielectric constant of 6, and water molecules in the outer Helmholtz
plane have a dielectric constant of 30—40. The dielectric constant of water molecules outside the
diffuse double layer and in the bulk is the usual value of 78.
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Significance of the Electrical Double Layer to Corrosion

The significance of the electrical double layer (edl) to corrosion is that the edl is the origin of the
potential difference across an interface and accordingly of the electrode potential (to be discussed
in the next section). Changes in the electrode potential can produce changes in the rate of anodic
(or cathodic) processes, as will be seen in Chapter 7. Emerging (corroding) metal cations must pass
across the edl outward into solution, and solution species (e.g., anions) which participate in the
corrosion process must enter the edl from solution in order to attack the metal.

Thus, the properties of the edl control the corrosion process. The edl on a corroding metal can be
modeled by a capacitance in parallel with a resistance, as shown in Fig. 3.14. In the simple equivalent
circuit shown in Fig. 3.14, the double layer capacitance Cqj ensues because the edl at a metal surface
is similar to a parallel plate capacitor. The Faradaic resistance Rp in parallel with this capacitance
represents the resistance to charge transfer across the edl. The quantity Rp is inversely proportional
to the specific rate constant for the half-cell reaction. The term Rg is the ohmic resistance of the
solution.

Metal Solution

Rs
Re

Fig. 3.14 Simple equivalent circuit model of the electrical double layer. Cq; is the double layer capacitance, Rp is the
resistance to charge transfer across the edl, and Ry is the ohmic resistance of the solution

Example 3.1: The double layer capacitance of freely corroding iron in 6 M HCI has been measured
to be 34 pLF/cm2 [5]. If the thickness of the entire double layer is 100 A, what is the average value
of the dielectric constant within the electrical double layer?

Solution: The formula for the capacitance C of a parallel plate condenser is

C=—
d
where ¢ is the dielectric constant, A is the area of the plates, and d is the distance between plates.
Thus

Core e
=

where Cq is the double layer capacitance per unit area. The farad is the SI (System Internationale)

unit of capacitance, but in the cgs (centimeter—gram—second) system of units, the capacitance must

be expressed in statfarads, there being 1.113 x 10! F/statF. Thus
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(34 x 106F> ( I statF B e
cm? 1.113 x 10~ farads /) &\ ((L00x10-8cm
X arads /(100 (Lo0x10-tem )

The result is € = 31. Note that this value for the dielectric constant lies between the value 6 for
oriented water dipoles adsorbed on the metal surface and lying in the inner Helmholtz plane and the
value of 78 for bulk water.

Electrode Potentials

The Potential Difference Across a Metal/Solution Interface

An earlier section discussed the concept of the electrostatic potential (at a fixed point) in terms of
a thought experiment. Recall that the electrostatic potential is the work required to move a small
positive unit charge from infinity to the point in question. The potential difference (between two
points) was also discussed. What happens if we attempt to measure the potential difference across
a metal/solution interface in the laboratory? The idea of conceptually moving a test positive unit
charge across the metal/solution interface is not of much practical help to us in the laboratory.

We quickly realize that in order to measure the potential difference across the metal/solution
interface of interest, we must create additional interfaces [3]. These new interfaces are necessary in
order to connect the metal/solution interface of interest to the potential-measuring device so as to
complete the electrical circuit. See Fig. 3.15. The metal of interest is designated as M. A second
metal which forms a second metal/solution interface is a reference metal, designated by “ref.” The
required properties of this new interface will be given later. The metal M connects the metals M and
“ref” to the potential-measuring device. S and S’ are two points in solution, just outside the electrical
double layers on M and “ref”, respectively.

(V)
U

solution

M ref

*s s °

Fig. 3.15 In order to measure the potential difference across the metal/solution interface of interest (M/S), an
additional interface must be created using a reference metal “ref” [3]

Consider a point located in solution just outside the electrical double layer on the metal of interest
(M). The electrostatic potential has some value ¢s. For a second point just inside the interior of the
metal M, the electrostatic potential has a value ¢p;. Accordingly, as one moves inward across the
M/S interface, the electrostatic potential will change from value ¢¢ to ¢n. Let us continue in a
closed path across all interfaces writing the changes in electrostatic potential as we proceed. The
sum total of changes in electrostatic potential must be zero by Kirchhoft’s law. That is [3]

(¢s — o) + (dm — dm1) + V + (dm1 — brer) + (drer — B¢) + (d5 — ¢s) =0 2)
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As shown earlier, there is no net charge in the interior of solution, so that ¢5 = ¢s'. Also, by Eq.
(1), (pm — ¢s) = PDpms = PDwys, where the notation M/S refers to the interface formed between
metal M and solution S. Then, Eq. (2) can be rewritten as

PDs;m + PDyymi + V + PDui jref + PDyeg/s = 0 3

Thus
V = —PDgs)m — PDyym1 — PDwmijref — PDref/s 4)

The terms PDyyv1 and PDyegviy are small and can be neglected. These two terms PDyynvy and
PDye/m1 can also be removed by extending the metals M and “ref” up to the potential-measuring
device. In addition, PDgyy = — PDwys. Thus, Eq. (4) becomes

V = PDM/s—PDret/s ()

Relative Electrode Potentials

The potential difference across a metal/solution interface is commonly referred to as an electrode
potential. Equation (5) clearly shows that it is impossible to measure the absolute electrode potential,
but instead we measure the relative electrode potential in terms of a second interface. That is, we
measure the electrode potential vs. a standard reference electrode.

The hydrogen electrode is universally accepted as the primary standard against which all electrode
potentials are compared. For the reversible half-cell reaction

2H' (aq) +2¢~ = Hj(g) (6)

In the special case
2H"(aq, a = 1) +2¢~ = Hy(g, P = 1 atm) (7)

the half-cell potential is arbitrarily defined as E° = 0.000 V. The superscript means that all species
are in their standard states, which is unit activity for ions and 1 atm pressure for gases. For dilute
solutions or solutions of moderate concentration (approximately 1 M or less), the activity can be
approximated by the concentration of the solution.

What Eq. (5) means in terms of the discussion given in the previous section is that PDyegsg is
defined to be zero for a standard hydrogen electrode which satisfies the conditions in Eq. (7). A
standard hydrogen electrode (SHE) is shown schematically in Fig. 3.16.

Thus, by measuring electrode potentials relative to the standard hydrogen electrode, a series of
standard electrode potentials can be developed for metals immersed in their own ions at unit activity.
See Fig. 3.17. Note that strictly speaking, the term “relative standard electrode potentials” should be
used; but the word “relative” is understood and is usually dropped.
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Fig. 3.16 A standard hydrogen reference electrode (SHE)
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Fig. 3.17 Experimental determination of a standard electrode potential for some metal M using a standard hydrogen
reference electrode

The Electromotive Force Series

An ordered listing of the standard half-cell potentials is called the electromotive force (emf) series.
See Table 3.1 [6]. Note that all of the half-cell reactions are written from left to right as reduction
reactions. This practice follows the Stockholm Convention of 1953 but is a source of some annoyance
to corrosion scientists, who are primarily interested in the reverse (i.e., oxidation) reaction. (Different
compilations [7—9] of standard electrode potentials may list slightly different values for some half-
cell reactions, but these variations are usually of the order of millivolts and should not be considered
to be significant.)

Notice that the sign of the standard electrode potential in Table 3.1 ranges from positive to neg-
ative values, passing through the value 0.000 which is defined as such for the hydrogen reduction
reaction. The most positive potential listed in Table 3.1 is for

AT +3¢7 = Au E° = +1.498V
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Table 3.1 Standard electrode

potentials at 25°C [6]

One of the most negative standard electrode potential in Table 3.1 is for

Kt +e =

47
Reaction E%(V ys. SHE)
AWt + 3¢~ > Au +1.498 Noble
P2t +2¢7 — Pt +1.18 T
Pd*t 4+2¢~ — Pd +0.951
Hg?t 4+ 2¢~ — Hg +0.851
Agt +e” — Au +0.800
Cut 4+ e — Cu +0.521
Cu®t +2¢~ — Cu +0.342
2H' +2¢~ — Hy 0.000
Pb*t 4+ 2¢~ — Pb —0.126
Sn?t 4+ 2¢~ — Sn —0.138
Mo3* + 3¢~ — Mo —0.200
Ni2t +2¢~ — Ni —0.257
Co** 4+ 2¢~ — Co —0.28
Cd*t +2¢~ — Cd —0.403
Fet +2¢~ — Fe —0.447
Ga’t +3¢~ — Ga —0.549
Ta3t + 3¢ —> Ta —0.6
Cr’t +3¢~ > Cr —0.744
Zn?t +2¢~ — Zn —0.762
Nb3* 43¢~ — Nb —1.100
Mn2t 4+ 2¢~ — Mn —1.185
Z*t +dem — Ze —145
Hf*t +4e~ — Hf —1.55
Ti?t +2¢~ —> Ti —1.630
APt 43¢ — Al —1.662
Ut 43¢ > U —1.798
Be?t +2¢~ — Be —1.847
Mg?t 4 2¢7 — Mg -2.372
Nat + ¢~ — Na —2.71
Ca®t +2¢~ — Ca —2.868
Kt +e¢ —K ~2.931 !
Lit+e¢ — Li —3.040 Active

E°=-2931V

From our common sense knowledge of the chemical world, we know that metallic gold oxidizes
with difficulty. This is the basis for the use of gold as a monetary standard and for jewelry and
artwork. Thus, the forward (reduction) reaction is favored, and the backward (oxidation) reaction
is not favored. Similarly, we know from experience that potassium is a very reactive metal and in
fact must be stored under kerosene to keep it from reacting with water vapor in the atmosphere. In
this case, the forward (reduction) reaction is not favored, and the backward (oxidation) reaction is

favored.

The spontaneity of electrochemical reactions will be taken up more quantitatively in Chapter 4
and 5. However, for the present it can be appreciated that metals located near the top (positive end)
of the emf series are more chemically stable than metals located near the bottom (negative end) of
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the series. Said simply, metals near the top of the emf series are less prone to corrosion. But the
following limitations must be recognized:

(1) The emf series applies to pure metals in their own ions at unit activity.

(2) The relative ranking of metals in the emf series is not necessarily the same (and is usually not
the same) in other media (such as seawater, groundwater, sulfuric acid, artificial perspiration).

(3) The emf series applies to pure metals only and not to metallic alloys.

(4) The relative ranking of metals in the emf series gives corrosion tendencies (subject to the
restrictions immediately above) but provides no information on corrosion rates.

Metals located near the positive end of the emf series are referred to as “noble” metals, while
metals near the negative end of the emf scale are called “active” metals.

The electrode potential for a half-cell reaction for a metal immersed in a solution of its ions
at some concentration other than unit activity is related to its standard electrode potential (at unit
activity) by the Nernst equation. See Chapter 4.

It should be noted that in some older texts and data compilations, standard electrode potentials
are written for half-cell oxidation reactions, and the signs for E£° listed in Table 3.1 are then reversed.

Reference Electrodes for the Laboratory and the Field

Although the standard hydrogen electrode (depicted in Fig. 3.16) is the reference electrode against
which electrode potentials are defined; this reference electrode is not commonly used in the labo-
ratory. The hydrogen electrode is somewhat inconvenient to use as it requires a constant external
source of hydrogen gas. (Hoare and Schuldiner [10] have developed a more compact hydrogen ref-
erence electrode which employs hydrogen gas discharged in a palladium wire, but this reference
electrode has not found much use in corrosion studies.)

Instead of using the standard hydrogen electrode, other reference electrodes are commonly used
in the laboratory. The saturated calomel electrode (SCE) has long been used, especially in chloride

— Hg

Porous

L=

— H92C|2 (calomel)

glass
“\

\ Saturated KClI

\% KClI crystals

Fig. 3.18 A saturated calomel reference electrode
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solutions. Its construction is shown in Fig. 3.18, and its half-cell reaction is
Hg,Cla(s) +2e~ = 2Hg(s) + 2C1™ (aq, sat'd)
The electrode potential under these conditions at 25°C is E = + 0.242 V.

Another reference electrode in wide use in the laboratory (usually in chloride solutions) is the
silver—silver chloride reference electrode, and its half-cell reaction is

AgCl(s) + e = Ag(s) + Cl (aq)
In its most common form, the silver—silver chloride electrode consists of a solid AgCl coating

on a silver wire immersed in a solution of 4 M KClI plus saturated AgCl, as shown schematically in
Fig. 3.19. The electrode potential under these conditions at 25°Cis E = + 0.222 V.

| | — Chloridized Ag

4 M KCl plus T (AgClI coating on Ag)
saturated AgCl L
~_

I~
Porous A:]/
glass

Fig. 3.19 A silver/silver chloride reference electrode

Peterson and Groover [11] have developed a silver—silver chloride reference electrode for use
in natural seawater. The electrode consists of a solid mass of AgCl in contact with an Ag wire and

«— Agrod
Outer spiral
retainer

of Ag gauze

Solid AgCI

(solidified from

molten AgCl)

Fig. 3.20 The Peterson—Groover silver/silver chloride reference electrode for use in natural seawater [11]
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held in place with an outer retainer of silver gauze. The electrode itself contains no aqueous fill-
ing solution but is immersed directly into the ocean, which then provides the source of the C1™ ion
(approximately 0.6 M C17). See Fig. 3.20. This electrode maintains a steady half-cell potential which
can be then calibrated vs. the standard silver—silver chloride electrode. The Peterson—Groover ref-
erence electrode has been used with much success in measuring the electrode potentials of test
specimens in seawater and in various marine applications, such as measuring the electrode poten-
tials at various locations around the hull of a ship. In the latter application, the Peterson—Groover
reference electrode may be delivered to the desired location at the end of a fishing line.

There are various other reference electrodes which are used in various aqueous solutions. For
example, the mercury—mercurous sulfate electrode is used in sulfate solutions to avoid contami-
nation by CI~, and the mercury—mercuric oxide electrode is used in alkaline solutions. For more
details, specialized texts on experimental electrochemistry should be consulted [12]. Values for the
half-cell potentials of several reference electrodes are given in Table 3.2 [13, 14].

Table 3.2 Electrode potentials of various reference electrodes [13, 14]

Reference electrode Potential (V vs. SHE) Conversion to SHE
Standard hydrogen electrode 0.000 -
Saturated calomel +0.242 Evs.SCE = E vs.
SHE — 0.242
Silver/silver chloride +0.222 Evs. Ag/lAgCl=E
(saturated) vs. SHE — 0.222
Peterson—Groover silver/silver +0.248 Evs. Ag/AgCl (in
chloride (in seawater) seawater) = E vs.
SHE — 0.248
Copper/copper sulfate +0.316 E vs. Cu/CuSO4 =
(saturated) E vs. SHE — 0.316
Mercury/mercurous sulfate +0.615 E vs. Hg/HgySO4 = E vs.
SHE — 0.615

The copper—copper sulfate reference electrode is used commonly in the field to measure the
potential of buried structures such as pipelines or tanks. The construction of this reference electrode
is shown in Fig. 3.21. A porous wooden plug provides the electrolyte path between the reference

«— Saturated CuSO,

| — CuSO,5H,0
Porous wooden plug j [

threaded into place \E

Fig. 3.21 The copper/copper sulfate reference electrode for use in soils

Copper
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Fig. 3.22 Measurement of the electrode potential of a buried pipe using a copper/copper sulfate reference [15]

electrode and the moist soil. This reference electrode is used more for its rugged and simple nature
than for its high precision. Figure 3.22 gives a schematic diagram showing the measurement of the
potential of an underground pipe [15].

Example 3.2: An electrode potential was measured to be —0.500 V vs. Cu/CuSO4. What is this
electrode potential on the SCE scale?

Solution: From Table 3.2
Evs.SCE = Evs.SHE — 0.242
Also

Evs.Cu/CuSO4 = Evs.SHE — 0.316

Subtracting the second of these equations from the first gives

(E vs.SCE) — (E vs.Cu/CuSO,) = —0.242 + 0.316 = +0.074

Thus

(Evs.SCE) — (—0.500) = 0.074

or

(Evs.SCE) = —0.426V
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Fig. 3.23 A graphical aid for conversion between reference electrode scales

Using the information in Table 3.2, graphs may be constructed for converting the elec-
trode potential on one reference scale into an electrode potential on another scale, as in
Fig. 3.23.

All reference electrodes whether they are used in the laboratory or in the field have the same
common features. These are the following: (i) the half-cell potential must be constant, (ii) the half-
cell potential should not change with the passage of a small current through the reference electrode,
and (iii) the half-cell potential must not drift with time. These three conditions are met if there is an
excess of both reactants and products in the half-cell reaction.

It should be noted that the use of any reference electrode introduces a liquid junction potential at
the liquid/liquid interface between the test solution and the filling solution of the reference electrode.
Such liquid junction potentials are caused by differences in ion types or concentrations across a lig-
uid/liquid interface. The liquid junction potential can be minimized by the proper choice of reference
electrode, i.e., use of a saturated calomel electrode in chloride solutions. Liquid junction potentials
are usually small (of the order of 30 mV) [12] and are included in the measurement of electrode
potentials.

Measurement of Electrode Potentials

Electrode potentials are usually measured with an instrument called an electrometer, which has a
high input impedance. The input impedance can be as high as 10'# © so that for a potential drop
of 1 V across the electrical double layer, an extremely small current of 10~ amp will flow in the
measuring circuit. This current is too small to interfere with the electrode reactions occurring at the
metal/solution interface or to change the electrode potential of the reference electrode. Thus, the
electrode potential of the metal under study will not be altered during the measurement.



Problems 53

@ High Impedance
= Electrometer

+
o

“—— Reference electrode

/
I

'\"

| _—— Solution

| Luggin-Haber capillary

Metal electrode

Fig. 3.24 A simple cell for measuring electrode potentials in the laboratory

Figure 3.24 shows an experimental arrangement for the measurement of an electrode potential
using a saturated calomel reference electrode. The reference electrode is in essence brought up
near the surface of the metal of interest by means of a Luggin—Haber capillary, which contains
the same solution as in the test cell. This arrangement allows measurement of the electrode poten-
tial near the metal surface rather than at some point in the bulk of the solution. Barnartt used such
a capillary which was 0.2 mm in outside diameter and about 0.1 mm in inside diameter, with the
capillary placed several millimeters from the electrode surface [16]. If the Luggin—Haber capil-
lary is located too close to the sample surface, there is a danger that the electrode surface will be
shielded.

The IR drop in the aqueous solution contained between metal surface and the reference electrode
is usually small for most electrolytes of practical interest.

Before the advent of the electrometer, electrode potentials were measured by null methods, such
as the use of a potentiometer, but such techniques are only of passing interest now.

Problems

1. Calculate the percentage of water molecules in a 0.10 M NaCl solution which are tied up as
primary waters of hydration, given the following information. The primary hydration number
for the Na* ion is 4 and for the C1™ ion is 1 [1]. The density of 0.10 M NaCl is 1.0431 g/ml, and
the molecular weight of NaCl is 58.45 g/mol.

2. If adsorbed chloride ions occupy the inner Helmholtz layer of the electrical double layer, what
is the field strength in V/cm across the inner Helmholtz plane (IHP) when the potential drop
across the entire double layer is 0.50 V? Assume that 90% of the potential drop is across the
IHP. Also assume that the IHP is located at the center of the adsorbed C1™ ions. The radius of
the C1~ ion is 1.81 A.

3. (a) Calculate the double layer capacitance for the Helmholtz layer on a metal if the dielectric
constant within the Helmholtz layer is 10 and the thickness of the Helmholtz layer is 15 A.
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(b) Calculate the double layer capacitance for a Gouy—Chapman layer of dielectric constant 50
and thickness 100 A. (c) Use the Stern model of the double layer to calculate the total double
layer capacitance, assuming that the inner Helmholtz layer and the Gouy—Chapman layer have
capacitances in series.

In the arrangement shown below, two different metals M and M; are short-circuited by an
external connection. Show that PDyy/s = PDyo/s. Also write an expression to give V in terms
of the quantity PD,.gs. Hint: Apply Kirchhoff’s law to each of the three cycles a, b, and ¢ shown
in the figure. For simplicity, assume that the potential difference across M; and its external
connecting wire can be neglected. Make the same assumption for M; and for “ref” and their
respective connecting wires. Also assume that the potential difference between two different
points in solution is negligible.

. A thin platinum wire immersed directly into solution is sometimes used as a “quasi-reference

electrode” [11]. Advantages of using this electrode are its simplicity and elimination of the need
of a Luggin—Haber capillary. (a) What are some disadvantages? (b) What do you think about
using an immersed zinc wire as a reference electrode?

c
— ref
M, M2
*\“\\ a _/,' “~_b _./ /'
~..__ ¢ _.---~7 Solution

The standard electrode potential for tin

Sn** (aq) +2¢~ = Sn(s)

is —0.138 V vs. the standard hydrogen electrode (SHE). What is the value of this standard
electrode potential vs. the following:

(a) the saturated calomel reference electrode?
(b) the Ag/AgCl (saturated) reference electrode?
(c) the Cu/CuSOy (saturated) reference electrode?

The operation of a reliable conventional standard reference electrode in the laboratory usually
does not present problems. However, it is often desirable to measure the electrode potential of
a metal in an outdoor natural environment over an extended period of time (months to years).
What types of natural environments might cause problems in the operation of a reference elec-
trode over a long period of time (so as to require modifications to the reference electrode design).
Explain how these problems arise.

8. One of the following statements is not true. Which one statement is it?
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(a) Zinc and chromium have similar standard potentials in the emf series. Thus, these two
metals are certain to have similar electrode potentials in seawater.

(b) Standard electrode potentials are reduction potentials.

(c) The liquid junction potential for a solution of 0.1 M HCI separated by porous diaphragm
from a solution of 0.1 M NaCl is less than the liquid junction potential between 0.1 M HCl
and 0.1 M NaySOyq.

9. Only one of the following statements is true. Which one statement is it?

(a) The standard electrode potential for copper immersed in unit activity Ni>* ions is the aver-
age of the standard electrode potential for nickel immersed in unit activity Ni>* and copper
immersed in unit activity Cu®*.

(b) Use of a Luggin—Haber capillary can reduce the IR drop between a metal electrode under
study and the reference electrode.

(¢) Any two metals in the same Group (i.e., column) of the Period Table will have standard
electrode potentials having the same sign.

10. The following laboratory data were taken for iron in 6 M HCI1 with and without a straight-chain
organic amine added as a corrosion inhibitor:

Concentration of Corrosion rate
inhibitor (M) Cal (uF/cmz) (uA/cmz)

0 33 2,000

8 x 1074 22 1,400

2x 1073 17 1,000

2 x 1072 8 200

Comment on the possibility of measuring the double layer capacitance of a test coupon as a
corrosion rate monitor in a steel tank storing waste HCI with an added amount of the inhibitor
to reduce corrosion of the storage tank walls.

11. Organic amines as in Problem 3.10 reduce the corrosion rate by adsorption at the metal/solution
interface (as is discussed in Chapter 12). Why is there a corresponding decrease in the double
layer capacitance? Hint: Consider the effect of the organic molecule on the dielectric constant
within the edl and on the thickness of the edl.

12. Sketch a figure of the Bockris—Devanathan—Miiller model of the edl when the charge on the
metal side of the interface is negative instead of positive, as was the case in Fig. 3.13.
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Chapter 4
A Brief Review of Thermodynamics

Introduction

This chapter will review briefly the principles of thermodynamics needed to consider corrosion from
a thermodynamic point of view. In particular we are working toward the treatment of galvanic corro-
sion and the construction and analysis of Pourbaix diagrams. As will be seen in Chapter 6, Pourbaix
diagrams are useful diagrams to summarize concisely the corrosion behavior of a given metal.

Thermodynamic State Functions

A state function is one whose properties depend only on the present state of the system and not
on the path taken to get there. (By the “state” in thermodynamics we mean having a certain set
of descriptors, rather than the specific physical state of the system). There are five common state
functions: (i) the internal energy E, (ii) the entropy S, (iii) the enthalpy H, (iv) the Helmholtz free
energy A, and (v) the Gibbs free energy G.

Internal Energy

The internal energy E of a system is the total energy contained within the system. The internal energy
includes contributions from both kinetic energy and potential energy sources. These include trans-
lational, rotational, and vibrational motion of atoms. Forces within an atom, such as the attraction
of an electron to the positively charged nucleus, as well as intermolecular forces between molecules
(such as van der Waals forces) are included. The internal energy also includes gravitational forces,
magnetic forces, and electrical forces.

The fact that E is a state function means that when the system changes from some condition
(condition 1) to another condition (condition 2), the change in internal energy is given by

AE =E, - E; (1)

Because both E; and Ejare state functions, their change (E» — E7) does not depend on the path
taken between 1 and 2. An analogy is provided in Fig. 4.1. The potential energy difference between
the elevation of the second floor of a building and the first floor of that building depends only on the
heights of the two floors and not on whether a person climbed the stairs to the second floor from the
first or rode the elevator.

E. McCafferty, Introduction to Corrosion Science, DOI 10.1007/978-1-4419-0455-3_4, 57
© Springer Science+Business Media, LLC 2010
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Fig. 4.1 The difference in potential energy between the second and first floors of a building depends only on the
heights of the two floors and not on the path taken to reach the second floor
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Fig. 4.2 The heat ¢ and work w associated with a thermodynamic system

The first law of thermodynamics states that for small changes in internal energy
dE =g +w 2)
where ¢ is the heat absorbed by the system and w is the work done on the system. The signs of both
q and w are important and are illustrated in Fig. 4.2. It is important to note that while the internal

energy E is a state function, the quantities g and w are not. Heat and work are not contained in a
system but are observed when a system changes from one state to another.

Entropy

The entropy S is defined by

ds = 3)

NI
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where T is the Kelvin temperature (degrees centigrade plus 273.1°C). The entropy S is also a state
function and has the properties that

(1) AS=8, — 51
(2) dS = 0 for a reversible system
(3) dS> 0 for an irreversible system

The entropy is a measure of the disorder of a system, with the entropy increasing for an irre-
versible system. This observation is the basis for the familiar statement that the entropy of the
universe is increasing.

Enthalpy
The enthalpy H is defined by
H=E+PV 4

where P and V are the pressure and the volume of gases involved. The change in enthalpy AH
between two states measures the heat of a reaction at constant pressure. That is, at constant pressure,
the heat g,, (the subscript indicates constant pressure) is given by

qp = AH (&)

Corrosion reactions usually occur under the conditions of a constant pressure (i.e., atmospheric
pressure).

Helmholtz and Gibbs Free Energies
The Helmholtz free energy A is defined by

A=E-TS (6)
and the Gibbs free energy G by

G=H-TS (7

Both A and G are state functions. Their significance is as follows:

At constant temperature 7 and volume V, the system is at equilibrium when dA = 0.

At constant temperature 7 and pressure P, the system is at equilibrium when dG = 0.

Most corrosion reactions occur at constant temperature and pressure so that the Gibbs free energy
G is the appropriate measure of equilibrium for corrosion scientists and engineers. At constant
temperature and pressure, Eq. (7) gives

AG = AH —TAS (8)

where AG, AH, and AS are the changes in Gibbs free energy, enthalpy, and entropy, respectively,
when the system undergoes a change from one state to another.
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Free Energy and Spontaneity

The notions of reversibility, equilibrium, and spontaneity are related. A reaction is reversible if it
can proceed in either direction. A reaction is at equilibrium if the rate of the forward reaction is the
same as the rate of the reverse reaction. A reaction is spontaneous if it proceeds in a given direction
without any external influence.

For the dissolution of iron in acids at room temperature, as considered in Chapter 2, the overall
reaction

Fe(s) + 2HT (aq) — Fe>* (aq) + H,(g)

is spontaneous at 25°C because it proceeds as written above if a piece of iron is immersed in a
hydrochloric acid solution. In addition, the reaction reaches an equilibrium in which the anodic
half-cell reaction

Fe(s) — Fez+(aq) + 2e”

proceeds at the same rate as the cathodic half-cell reaction

2H*(aq) +2¢~ — Ha(g)

However, the overall reaction is not reversible because we cannot treat a ferrous salt with
hydrogen gas at 25°C and produce solid iron.

Solid iron can be produced by the reduction of Fe,O3 under special conditions and in a process
which requires an intensive energy input. The reduction of iron ore (Fe,O3) at elevated temperatures
over 1000°C and in the presence of carbon (as coke) and CaCO3 (limestone) is the basis for the
production of iron from iron ore. Another way of viewing corrosion, then, is that corrosion is the
thermodynamic process by which metals revert to their natural form as ores. See Fig. 4.3.

The change in Gibbs free energy AG is a powerful indicator of spontaneity. Figure 4.4 illustrates
the behavior of the change in Gibbs free energy AG for the case of equilibrium, spontaneous, and
non-spontaneous reactions. A chemical reaction (or a coupled electrochemical reaction):

O,
%
e €, G200, Iron
(Not spontaneous
at ordinary temperatures,
requires temperatures
> 1000 °C)

Iron ore
Fe,O4

Steel plant refinement

Exposure to the

Rust environment Steel
0,, H,0
Hydrated (Spontaneous at
Fe,0s ordinary temperatures)

Fig. 4.3 A thermodynamic cycle for Fe,O3
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Equilibrium
a AG =G(products) — G(reactants) = 0
Extent of reaction
Spontaneous reaction
AG<0
G
AG
Extent of reaction
Non-spontaneous reaction
G

AG>0

AG

Extent of reaction

Fig. 4.4 The change in Gibbs free energy AG for the case of equilibrium, spontaneous, and non-spontaneous reactions

(1) is at equilibrium if the free energy change AG is zero,
(2) proceeds spontaneously if AG is negative,
(3) is not spontaneous if AG is positive.

Relationships Between Thermodynamic Functions
From Egs. (4) and (7)
G=H-TS=(E+PV)-TS ®
Taking differentials

dG =dE+PdV+VdP—-TdS —SdT (10)



62 4 A Brief Review of Thermodynamics
Use of Eq. (2) gives
dG=g+w+PdV+VdP—-TdS —SdT (11

From Eq. (3), ¢ = T dS, and also w = —P dV (the minus sign is needed for work done on the
system). Then Eq. (11) becomes

dG=TdS —PdV+PdV+VdP -TdS —SdT (12)
or
dG =VdP - SdT 13)

Equation (13) applies to a closed system, i.e., one in which there is no mass transfer in or out of
the system. Suppose that an ideal gas is present. Then PV = RT, where R is the ideal gas constant.
(See Table 4.1.) Then, substitution for V = RT/P in Eq. (13) gives

RT
4G = —-dP - SdT (14)
At constant temperature T
RT
dG = —-dp (15)

The free energy change in going from a standard state (denoted by the superscript zero) to any
new state is given by

G P
/dG:RT/d]nP (16)
GO PO
Integrating gives
G — G° = RT In(PIP®) a7

But the pressure in the standard state is 1 atm (see Chapter 3). Then Eq. (17) becomes

G=G°+RTInP (18)

Table 4.1 Units for the ideal gas constant R and some additional conversion factors

R

0.082058 L atm mole ' K! P is in atm

62.364 L torr mole 'K P is in torr

8.314 J mole ' K™! Pisin Pa, Vis in m?
1.987 cal mole” ' K-! Pis in Pa, Vis in m?

1 cal =4.184 joules (J).
1J=1VC=1Nm.
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The Chemical Potential and Standard States
The total energy of a system can be changed by

(1) thermal energy +g or —q
(2) work +w or —w
(3) by adding or subtracting various chemical substances to the system.

If the above third possibility occurs and the system contains n; moles of various species i, then
Eq. (13) must be extended to

dG = VdP - 8dT + 3 pidny (19)
1

where i is the chemical potential of species i defined as

9G _
i = <_) =G, (20)
i ) 7.

That is, the chemical potential is the change in Gibbs free energy with respect to a change in the
chemical composition of a given chemical species, at constant temperature 7, constant pressure P,
and constant composition of the other chemical species which are present. The chemical potential is
also called the partial molar Gibbs free energy and is also given the symbol G;.

More About the Chemical Potential
For a system containing i components, Eq. (18) becomes
wi=pnd+RTInP; (2D
For solids and liquids, Eq. (21) is written as
wi = i + RT Ina; (22)
where g; is the activity of the ith species and

(1) forsolids,a = 1.

(2) for liquid H,O, a = 1.

(3) for other liquids and for ions, the activity a is usually replaced by concentration C. This is a
valid approximation for dilute solutions.

(4) for gases, the activity a is replaced by pressure P.

Consider a chemical reaction
V1A1+V2A2+-~-.—)Vl/B1+VQ/B2+~-~ (23)

where v refers to the number of moles of reactant A1, v, refers to the number of moles of reactant
Ay, etc., and the primes and B’s have similar meanings for the products. When all the reactants and
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products are in their standard states, then the standard free energy change AG®° is given by

AG® = v pn°B1) +viu’Bo) + - —[viu®(A) + [vau(A2) + - -] (24)

or in short-hand form
AG® = ¥ vjuf (products)— ¥ viu{ (rectants) (25)
1 1

Tables exist for values of ©° for various chemical species [1—4]. The standard chemical potential
is also called the standard free energy of formation AGs® and is listed as such in some tables.

The standard chemical potential ;° (i.e., the standard free energy of formation, AG¢®) is zero for
pure elements.

Also, u° (H* (aq)) = 0. This is a consequence of defining E° = 0.000 V for the standard hydrogen
electrode. See Problem 4.1 at the end of this chapter.

A Note About Units for AG° or AG

Materials scientists and chemists have traditionally expressed values of AG® in units of calories per
mole or kilocalories per mole (kcal/mol). (One calorie is the energy required to raise the temperature
of one gram of water by 1°C). However, in SI (System Internationale) units, the proper measure of
energy is the joule. (One joule is defined as one volt coulomb). There are 4.184 J/cal.

Either system of units may be used. Pourbaix’s classic atlas of corrosion thermodynamic data [1]
gives values for the chemical potential 1° in terms of calories per mole. More recent compilations
of thermodynamic data give values of u° (or AG;®) in terms of kilojoules per mole (kJ/mol).

Example 4.1: Is the following reaction spontaneous at 25°C when each of the reactants and products
are in their standard states:

Zn(s) + 2H,O0(I) — Zn(OH),(s) + H,(g)

given the following thermodynamic data for 25°C [1]: u°(Zn(OH);y)(s)) = —75,164 cal/mol;
u°(H,0 (1)) = —56,690 cal/mol.

Solution: The standard free energy change for the reaction above is given by

AG® = [u®(Zn(OH)x(s)) + w°(Ha(@)] — [1°(Zn(s)) + 2u° (H20(1))]

The chemical potential of a pure element is zero so that ©°(Zn (s)) = 0 and also u°(H; (g)) = 0.
Thus

AG® = [~75,164 + (0)]cal — [(0) + 2(—56,690)]cal

AG® = —75,164 cal + 113,380 cal
AG® = +38,126 cal

The sign of AGP° is positive so that the reaction is not spontaneous and the immersion of zinc into
water under standard conditions does not produce hydrogen gas.
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The Free Energy and Electrode Potentials

It was shown in the previous chapter that an electrode potential exits across the metal/solution
interface, as seen schematically in Fig. 4.5.

Metal | Solution (1 M in M*™)

”e:\ @—’ @ @=-nF E°
ne K@_,@ \\\

_ (.equiv coul
n e_\ = (7) —LOUL ) (volts)

mole equiv

volt coul
mole
— _joules
mole
Electrostatic o
Potential, ® E° vs.
’ reference
electrode

Distance from
metal surface

Fig. 4.5 The free energy change for an electrochemical process

The free energy change for an electrochemical process when all the reactants and products are in
their standard states is given by

AG® = —nFE° (26)

where n is the number of electrons transferred, F is the Faraday, and E° is the electrode poten-
tial. Figure 4.5 also shows that the units resulting from the term nFE are in joules (or calories),
as required. The negative sign in Eq. (26) is required to make spontaneous electrochemical reac-
tions have a negative value of AG, as is required. In the convention employed here, the number of
electrons transferred () is always positive. The Faraday F is, of course, positive.

In the general case where reactants and products are not all in standard states

AG = —nFE 27)

Example 4.2: Chromate inhibitors act on steel surfaces as follows:
2Cr03_(aq) + 2Fe(s) + 4H+(aq) — Cry03(s) + Fe,03(s) + 2H,0()
Is the above electrochemical reaction spontaneous when each of the reactants and products is in

their standard states, given that the standard electrode potential for the overall reaction is +1.437 V
vs. SHE?
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Solution:

AG°® = —nFE°
AG® = —(+n)(+F)(+1.437) <0

Thus, the reaction is spontaneous as written. Note, for our purposes here, we do not need to know
the value of n but only that it is positive. We can determine that n = 6 by separating the overall
electrochemical reaction into its two half-cell reactions:

2Fe(s) + 3H,0(I) — Fe,03(s) + 6H' + 6¢~

2CrO; ™ (aq) + 10HT (aq) + 6e~ — Cry03(s) + SH,0(1)

The sum of these two half-cell reactions is the overall reaction given above. More detail on
electrochemical cells is given in Chapter 5.

The Nernst Equation

As noted in Chapter 3, standard electrode potentials E° apply only to the situation where a metal
is immersed in a solution of its own ions at unit activity. This condition is rarely encountered in
corrosion reactions. The Nernst equation allows calculation of the half-cell potential for some other
concentration in terms of the standard electrode potential. The derivation is given here.

Consider a general electrochemical reaction

aA +bB+ne = ¢cC+dD (28)

where a is the number of moles of reactant A, b is the number of moles of reactant B, etc. From
Eq. (25)

AG = I viui (products) — ¥ v (rectants) 29)
1 1
or

AG = cuc +dup —app — by (30)

But from Eq. (22)

uc = pe + RT In ac
up = pup + RT In ap a1
pa = pu} +RT In ap

up = up + RT In ag

Substitution of Eq. (31) in Eq. (30) gives

AG = c[pu¢ + RT In acl +d[up + RT In ap] — a[py + RT In aa] — b[ug + RT In ag] (32)
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Grouping terms gives

at. a4
AG = [epg +dpd — apf, — bl + |:RT In %] (33)
ajap
But from Eq. (25)
AG® = cpug +dup — apy — buy (34)
so that Eq. (33) becomes
c d
AG = AG® + RT In 2D (35)
at ab
'A 9B
With AG = — nFE and AG® = — nFE°, Eq. (35) becomes
2.303RT . abaf
E=E"— log <2 (36)
nF ajag

which is the Nernst equation. This equation is very useful in the analysis of electrochemical cells
and in the construction of Pourbaix diagrams. These subjects are treated in the next two chapters. At
25°C, Eq. (36) can be written as

0.0591 ¢ al
log 2¢ %D (37)
n CZA aB

E=E°—

Standard Free Energy Change and the Equilibrium Constant

The equilibrium constant for Eq. (28) is

al. a?,
K= -S> (38)
dp dp
so that Eq. (35) can be rewritten as
AG = AG° +RTInK 39)

At equilibrium, AG = 0 so that Eq. (39) becomes
AG®° = —RTInK (40)
or
AG® = —2.303RTlogK 41)

This equation is useful because it is the link between the standard free energy change and the
equilibrium constant for a reaction.
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Equilibrium constant

K
AG°=—RTInK 2 AT
Eopo 2303AT
/ nF
puandard AG?=—nFE° Standard electrode
free energy ' 3
change, AG® potential, E

Fig. 4.6 Summary of relationships between the standard free energy change, the standard electrode potential, and the
equilibrium constant for electrochemical reactions

Figure 4.6 summarizes relationships between the standard free energy change, the standard
electrode potential, and the equilibrium constant for electrochemical reactions.

A Quandary - The Sign of Electrode Potentials

Throughout this chapter we have been adhering to a system of thermodynamics commonly called
the American sign convention [4, 5]. We write

Zn’T(@=1)4+2¢" —>Zn E=-0.762V
but we write

Zn — Zn*t(a=1)+2¢~ E=+0.762V

These are thermodynamic half-cell potentials, but what is the sign of the electrode potential for
the physical electrode of an actual sample of zinc metal immersed in an actual solution of unit
activity of Zn>* ions?

At the physical electrode, there is an equilibrium between zinc metal and zinc ions so that zinc
ions pass into solution at the same rate at which they are reduced back onto the metal surface, as
depicted in Fig. 4.7. So what is the electrode potential for the physical electrode? Is it the average of

Metal | Solution

Zn zn+2

(unit activity )

Fig. 4.7 The Zn/Zn** electrode at equilibrium. The rate at which Zn goes into solution is equal to the rate at which
Zn>* ions are reduced to solid Zn
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the reduction and oxidation potentials? This cannot be, for the average potential would be 0.000 V,
and this is the standard electrode potential for the reduction of hydrogen ions to hydrogen gas.
Moreover, the physical electrode potentials for all metals listed in the emf series would also be
0.000 V, so actual electrode potentials would be a meaningless concept.

Note that in Fig. 3.24, the metal electrode under study is connected to the positive terminal of the
electrometer and the reference electrode is connected to the negative terminal. This is a convention
adapted by the American Society of Testing and Materials [6], and this arrangement gives the proper
sign of the measured electrode potential. The proper sign for the actual physical electrode potential
of zinc in contact with a solution of unit activity Zn>* ions is negative. (A simple test cell of zinc in
contact with Zn?* ions can be used to see if your test setup in the laboratory is correct in regard to the
signs of measured electrode potentials.) But suppose that the connections to the test and reference
electrodes would be reversed. Then the sign of the measured physical electrode potential would also
be reversed.

Thus, the sign of a physical electrode potential is a convention. This is in addition to the earlier
convention that the forward direction of a half-cell reaction is taken to be the direction in which
reduction occurs.

We want to relate a direction-sensitive quantity AG to a direction-insensitive observable E. This is
the origin of all confusion regarding electrode potentials. Enlightening comments about this situation
have been written by Anson [7] and deBethune [8].

Thus, in the American system of signs conventions, the sign of a thermodynamic half-cell reaction
is sign bivariant (depending on whether the half-cell reaction is a reduction or an oxidation reaction),
but the number of electrons transferred is always positive when using Eqgs. (26), (27) or the Nernst
equation, Eq. (36).

Mention should also be made of the European sign convention, used by Pourbaix [1]. According
to this system

Zn*ta=1)4+2¢" — Zns) E=—0.762V
and also
Zn(s) —> Zn*T(a=1)+2¢~ E=-0.762V

Thus, in the European system of signs conventions, the sign of a thermodynamic half-cell reac-
tion is invariant (i.e., the same for a reduction or an oxidation reaction). However, the number of
electrons transferred is sign bivariant (negative when the half-cell reaction is a reduction reaction
and positive when the half-cell reaction is anoxidation reaction). In this system, AG = nFE and
the Nernst equation also has a slightly different form. See Table 4.2 for a comparison of these two
conventions.

Confusing? Sort of, but not if one follows a given convention consistently. Throughout this text,
we will be adhering to the American sign convention.

Factors Affecting Electrode Potentials

Actual physical electrode potentials are affected by several variables including (i) the nature of the
metal, (ii) the chemical nature of the aqueous solution, (iii) the presence of oxide films on the metal
surface, (iv) the presence of adsorbed gases on the metal surface, and (v) the presence of mechanical
stress on the metal [9]. See Table 4.3, which lists the magnitude of these effects.
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Table 4.2 A comparison of American and European sign conventions for thermodynamic systems

American convention

European convention

Zn*t(a = 1) + 2~ — Zn(s)
E° = —0.762V

Zn(s) — Zn*t(a = 1) + 2e~
E° = 40.762V

Cu’t(a=1)+2¢ — Cu(s)
E° = 40342V

Cu(s) — Cut(a=1)+ 2e”
E° = —-0342V

AG® = —nFE°
E° is sign bivariant
n is sign invariant (always positive)

Nernst equation

2.303RT d
n

C
dac ap

a b
LIALIB

E=E°

log

E° is sign bivariant
n is sign invariant (always positive)

Zn*t(a = 1)+ 2¢~ — Zn(s)
E° = —0.762V

Zn(s) — Znt(a = 1) + 2e”
E° = —0.762V

Cu’t(a=1)+2¢ — Cu(s)
E° =+40.342V

Cu(s) — Cut(@=1)+2¢”
E° = +0.342V

AG® = nFE°

E° is sign invariant

n is sign bivariant

(negative for reduction, positive for
oxidation)

Nernst equation

2303RT . b df
E=FE°+ =" Jog £
nF

E° is sign invariant

n is sign bivariant

(negative for reduction, positive for
oxidation

Table 4.3 Effect of various factors on the electrode potential [9]

Effect

Magnitude of effect on electrode
potential

Nature of the metal

Chemical nature of the aqueous
solution

Surface state (oxide films)

Adsorbed gases

Mechanical stress

Whole volts
Tenths to whole volts

Tenths of a volt
Hundreds to tenths of volts
Thousandths to hundreds of volts

Problems

1. Show that u°(H*(aq)) = 0 is a consequence of defining E° = 0.000 as the standard electrode
potential for reduction of the hydrogen ion:

2H*(aq) + 2¢~—Hj (g)

2. (a) Calculate 2.303RT in joules per mole and calories per mole at 25°C.
(b) Show that 2.303RT/F is equal to 0.0591 V equiv/mol at 25°C.

3. Calculate the electrode potential at 25°C for the Peterson—Groover Ag/AgCl reference electrode
when it is used in natural seawater, for which the CI~ concentration is 0.6 M. (b) How does this
electrode potential compare with that for the saturated calomel electrode?
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4.

10.

Dissolved lead can enter the public drinking supply through the use of lead piping systems and
lead solder. The present standard for allowable dissolved Pb>* ions is 15 jug/L. Calculate the
reduction potential for lead metal in contact with this concentration of dissolved Pb>* ions:

Pb>*(aq) + 2¢~ — Pb(s)

. For health reasons the concentration of dissolved copper ions in drinking water should be less

than 2 mg/L of Cu**[10]. Calculate the reduction potential of copper metal in contact with a
solution containing 2 mg/L of dissolved Cu®* at 25°C.

Calculate whether copper will spontaneously corrode at 25°C by the following half-cell
reaction:

2Cu(s) + H,0(l) + 0,(g) — 2CuO(s) + H" (aq) + OH (aq)

given the following standard chemical potentials ©° (in cal/mol):
CuO (s) = -30,400; OH" (aq) = -37, 595; H,0 (1) = -56,690.

Research has been conducted on molybdates as replacements for chromates in the surface treat-
ment of various metals in order to reduce corrosion by the formation of a surface film of MoO>.
The overall reaction with iron is

2Fe(s) + 3MoOﬁ_(aq) + 6H*"(aq) — Fes03(s) + 3Mo0x(s) 4+ 3H,0(1)

(a) Given the following standard chemical potentials (1°) in calories per mole at 25°C:
Fe,03(s) = —177,100, MoOs (s) = —120,000, H,O (I) = -56,690, MoO4 % (aq) =
—205,420:

(a) Is the above overall reaction spontaneous under standard conditions?

(b) Calculate the standard electrode potential for the above overall reaction.

(c) Write an expression for the electrode potential as a function of molybdate ion
concentration and pH.

(d) Is the overall reaction spontaneous for a molybdate ion concentration of 0.001 M at pH
7.0?

(e) Based solely on thermodynamic considerations, what do the results in (a) and (d)
suggest about the possibility of molybdates as chromate replacements?

. Calculate the standard chemical potential of Sn** ions, 1°(Sn** (aq)), from the appropriate

standard electrode potential in Table 3.1.
Magnesium corrodes in an aqueous solution of pH 9.0 to produce precipitated Mg(OH),. What
is the reduction potential of magnesium in this solution at 25°C for the reaction

Mg>*(aq) + 2¢~ — Mg(s) E° = —2.372V
The solubility product of Mg(OH), is Ky, = 1.8 x 10711,

Waste acid of pH 3.0 is stored in a lead-lined vessel, as shown in the figure below. If the walls
of the container undergo corrosion by the following reaction:

Pb(s) + 2H" (aq) — Pb**(aq) + H, ()



72 4 A Brief Review of Thermodynamics

what is the equilibrium concentration of dissolved Pb?* at 25°C if the pressure of hydrogen
gas in the closed vessel is 0.5 atm? The standard chemical potential for Pb>* (aq) is pn° =
-5,810 cal/mol.

L1
(f < P (Hy) = 0.5 atm
Waste acid
pH=3.0 .
4—— Lead-lined tank

-/

O O

11. The following two half-cell reactions have the standard electrode potentials as given:

Fe’ t (aq)+ ¢~ — Fe’T(aq) E° =+0.771V
Fe’t(aq) + 2¢~ — Fe(s) E° = —0.447V

Calculate E° for the following reaction:
Fe’*(aq) + 3¢~ — Fe(s)

Note that if we add the first two half-cell reactions, we get the desired half-cell reaction. Can
we add the corresponding two values of E° to obtain E° for the desired reaction? Explain your
answer.

12. What qualitative statement can be made about the change in entropy when a metal atom in a
crystalline lattice passes into solution to become a metal cation. Explain your answer.
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Chapter 5
Thermodynamics of Corrosion: Electrochemical Cells
and Galvanic Corrosion

Introduction

The previous chapter has dealt largely with the corrosion thermodynamics of half-cell reactions for
single metals. This chapter considers the effect of coupling two half-cells to form an electrochemical
cell. The galvanic corrosion of coupled dissimilar metals is also treated in this chapter.

Electrochemical Cells

Consider the two half-cells shown in Fig. 5.1(a). In the compartment on the left, zinc ions are
in equilibrium with the solid zinc electrode. This means that the rate at which Zn>* ions pass
into solution is equal to the rate at which they are reduced to solid zinc. The standard reduction
potential is

Zn’t (aq) 4+ 2¢~ — Zn(s) E° = —0.762V
In the compartment on the right, copper ions are in equilibrium with the solid copper electrode.

Thus, the rate at which Cu* ions pass into solution is equal to the rate at which they are reduced to
solid copper. The standard reduction potential is

Cu’t(agq) +2¢~ — Cu(s) E°=+0.342V
When the two unconnected half-cells are coupled by closing the switch in the external circuit, as
in Fig. 5.1(b), an electrochemical cell is formed. One of the metals will be the anode and the other
will be the cathode, although we cannot yet tell which is which. First suppose that the zinc electrode
is the anode. Then
At the cathode
Cu’*(ag) +2¢~ — Cu(s) E°=+0342V

At the anode

Zn(s) — Zn’T(aq) + 2¢~ — E°= —(—0.762V)

E. McCafferty, Introduction to Corrosion Science, DOI 10.1007/978-1-4419-0455-3_5, 73
© Springer Science+Business Media, LLC 2010
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(a)
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Fig. 5.1 An electrochemical galvanic cell

Adding the two half-cell reactions gives the overall chemical reaction:

Cu®*(aq) +Zn(s) — Cu(s)+Zn**(aq) (1)
and adding the half-cell potentials gives

0 _ o 0
cell — Ecathode - Eanode ()

or ES, = +0.342V — (— 0.762 V) = +1.104 V. From

AGeen = —nFEq 3

the free energy change is negative because the cell potential is positive. Thus, the reaction proceeds
spontaneously as written above in Eq. (1), and we have correctly identified the anode and the cathode
in the coupled cell.

If we had assumed initially that the copper electrode was the anode and the zinc electrode the
cathode, then the calculated cell potential would be E°.¢j) = —1.104 V. But then the calculated change
in free energy would have been positive so that the assumed reaction would not be spontaneous.
Thus, we would have reached the same conclusion as above.

The following general conclusions can be drawn:
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(1) In an electrochemical cell, the metal with the lower electrode potential (more negative reduction
potential) in the emf series is the anode; the metal with the higher electrode potential (more
positive reduction potential) is the cathode.

(2) The cell potential (also called the cell voltage or cell emf) is given by

Ecell = Ecathode — Eanode (4)

where both Ecathode and Eanode are reduction potentials.
If the concentration of dissolved ions is not unit activity, the half-cell potentials can be calculated
using the Nernst equation, and the procedure is then continued as described above.

Electrochemical Cells on the Same Surface

An electrochemical cell can also exist on different portions of the same metal surface, as shown in
the following example.

Example 5.1: Calculate whether copper can corrode at 25°C in an acid solution of pH 2.0 to produce
a solution containing 0.10 M Cu?* ions and 0.5 atm hydrogen gas.
Solution: The overall chemical reaction is
Cu(s) 4+ 2H* (aq) — Cu’*(aq) + Ha ()
At the local cathodes
2H* (aq) +2¢~ — Ha(g)  Ecathode
At the local anodes

Cu (s) — Cll2+ (aQ) +2e”  Eanode

We calculate the electrode potentials for each half-cell reaction written as a reduction reaction.
Using the Nernst equation

00591 P(Hy)

Ecathode = EI?IJr/Hz - T 0g [H+]2

0.0591 0.5
Ecathode = 0.000 — ) IOg [1 0X10—2]2
or
Ecathode = —0.109V
Then
o 0.0591 1
Eanode = E

Cut?/Cu o 2 og [Cu+2]
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0.0591 1
Eanode =4 0342 — Tlogm
or
Eanode = +0.312
Thus

Ecell = Ecathode — Eanode
Ecen = —0.109 — (4 0.312) = —-0421V

Because the cell voltage is negative, AGee)] = — nFE¢ is positive, and thus the reaction will not
proceed spontaneously to produce the conditions which were described.

Galvanic Corrosion

Galvanic corrosion occurs when two dissimilar metals are in physical (and electrical) contact in
an aqueous electrolyte, as shown in Fig. 5.2. Alternately (and less usual), the two metals may be
connected by an external metal path. Galvanic coupling of metals in equilibrium with their own
ions rarely occurs, but instead each of the two individual metals is usually immersed in a common
electrolyte. Some examples of galvanic corrosion include the following:

Electrolyte

Q Copper Iron
| |

Fig. 5.2 Two dissimilar metals in a galvanic couple

(1) Copper piping connected to steel tanks.

(2) Boats having a nickel alloy hull and steel rivets.

(3) Zinc-coated screws in a sheet of copper.

(4) Tin-plated electrical connector pins mated with gold-plated sockets.
(5) A stainless steel screw in contact with a cadmium-plated steel washer.

The galvanic series described below is very useful in indicating whether combined pairs of
coupled metals will be prone to galvanic corrosion.

Galvanic Series

As noted in Chapter 3, the emf series has limited practical use. The standard electrode potentials are
for half-cell reactions for metals in solutions of their own ions at unit activity. This set of conditions
is important in the development of the concept of electrode potentials, but these conditions are quite
restrictive and are not those found in most corrosion applications. The concentration of dissolved
metal ions in equilibrium with a given metal depends on the environment and on the details of the
system, such as the corrosion rate, the degree of mass transfer, and the volume of the solution.
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The restriction of unit activity in the emf series can be removed by using the Nernst equation to
calculate the potential for a half-cell reaction at some concentration other than unit activity. However,
there is still the restriction in the emf series that the solution contains cations of only the metal of
interest. In addition, the emf series applies only to pure metals and not to alloys.

Any metal or alloy placed in a corrosive environment has its own electrode potential, called the
corrosion potential E.or. The galvanic series (in seawater) is an ordered listing of experimentally
measured corrosion potentials in natural seawater for both pure metals and alloys. See Fig. 5.3[1].

Metals and alloys with more positive potentials (like platinum) are called noble metals, and met-
als with more negative potentials (like magnesium) are called active metals. Note that the electrode
potentials in the galvanic series in Fig. 5.3 are measured relative to a saturated calomel electrode
(although any suitable reference electrode can be used), whereas standard half-cell electrode poten-
tials are always referred to as the standard hydrogen electrode. Note also that all the alloys given in

Fig. 5.3 exhibit a range of electrode potentials.

T T T T T T T T T
Magnesium ®

Zinc
Berylium
Aluminum alloys
Cadmium e
Mild steel, castiron e

Low alloy steel e
* Austenitic Ni cast iron
@» Aluminum bronze
@ Naval brass, yellow brass, red brass
® Tin
@» Copper
@» Pd-Sn solder (50/50)
@» Admiralty brass, aluminum brass
@ \anganese bronze
® Silicon bronze
@ Tin bronzes
@ Stainless steel Types 410, 416
® Nickel silver
@ 90-10 Cu-Ni
@ 80-20 Cu-Ni
@ Stainless steel- Type 430
@ | ead
@ 70-30 Cu-Ni
@ Ni-Al bronze
® Ni-Cr alloy 600
& Silver braze alloys
@ Nickel
® gilver |
® Stainless steel- Type 304
@@= Ni-Cu alloys 400, K-500 (Monel)
Stainless steel- Type 316
Alioy 20 |
Ni-Fe-Cr alloy 825
Ni-Cr-Mo-Cu-Si alloy B

Titanium
Ni-Cr-Mo alloy C
@ Platinum
@ Graphite
11 | I T I | 11 | I I | I I | I I
0.5 0.0 -0.5 -1.0 -1.5
EinVvs. S.C.E.

Fig. 5.3 The galvanic series in seawater. Redrawn from [1] by permission of John Wiley & Sons, Inc
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The utility of the galvanic series is as follows:

In a galvanic couple, the metal or the alloy with the more negative electrode potential is the
anode. The metal or the alloy with the more positive electrode potential is the cathode.

This conclusion follows from the analysis of electrochemical cells using the emf series.

Example 5.2: Composite materials consisting of magnesium containing graphite-reinforcing fibers
have been developed to increase the mechanical strength of the light metal magnesium. Will the
introduction of graphite into magnesium pose a problem if this composite material is used in
seawater?

Solution: From Fig. 5.3, the electrode potential of graphite in seawater is approximately +0.25 V
vs. SCE. The electrode potential of magnesium is —1.6 V vs. SCE. Thus, in a magnesium—graphite
couple, magnesium will be the anode. Because of the large difference in the two electrode potentials,
there will be a large galvanic effect between magnesium and graphite. This couple should not be used
in seawater unless the composite material is provided corrosion protection, such as a barrier of paint
or some other organic coating.

The order of a series of metals in any galvanic series may not be the same as their order in the emf
series. Thus, the emf series cannot be used reliably to predict the corrosion tendencies of coupled
metals in other environments.

Similarly, the galvanic series for seawater should not be used to p