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The anodic behavior of pure iron electrodes was studied in
0.1 M Na2S60. at P C. Oxygen overvoltage measurements in acid
solutions showed the mechanism to be the oxidat'ion of water mole-
cules to adsorbed hydroxyl radicals, next9 the dehydration of
two of these radicals to give an adsorbed oxygen atom, followed
by the desorptlve combination of two of these oxygen atoms. Oxy-
gen overvoltage-time decay measurements for these solutions in-
dicate that there Is little possibility of other chemical spe-
cies being present on the passive Iron surface. The primary cov-
erage Is postulated as adsorbed hydroxyl radicals In conformance
with the slow step in the oxygen evolution meclhanism. As it is,
the coverage Is only 10 percent with respect to iron atoms In the
surface. The surface coverage, as measured by the decay curves
was found to fall off it oxygen evolution current densities of
less than 0.5 u&/T.cm.' This would be predicted on the basis of
a purely chemical path for the removal of the adsorbed hydroxyl
radicals, namely, the last two steps of the oxygen evolution me-
chanism.

In alkaline solutions overvoltage measurements and potential-
time decay curves both leA to the conclusion that the passive
iron surface is primarily covered with adsorbed hydroxyl ions.
The mechanism of oxygen evolution differs from that for the acid
solutions. It is the oxidation of adsorbed hydroxyl Ions to hy-
droxyl radicals, next, the dehydration of two hydroxyl radicals
to give an adsorbed oxygen atom, followed by reaction of this oxy-
gen atom with an adsorbed hydroxyl Ion to form a desorbed oxygen
molecule. Once again, the coverage was found to be only 10 percent

INTRODUCTION

On anodic polarization active metals are oxidized, whereas,
with inert metal electrodes the reacting species must come from
a source other than the metal itself. Platinum, for example, suf-
fers little or no chemical attack on anodic polarization, except
In high chloride Ion concentrations. Working with large cur-
rents, Bowden' found that shifting the potential of platinum
from hydrogen evolution ot oxygen evolution required about 3000
microcoulombs/cm.W In addition there were potential arrests
corresponding to adsorbed hydrogen and its replacement by adsor-
bed oxygen. Butler and Armstrong studied this same system and
found that upon cathodic polarization of a platinum electrode
previously anodically polarized In dilute 32804, there was a po-
tential arrest In the region of +0,7 volt (relative to the by-
drogen electrode). While at this potential both adsorbed oxygen
and oxygen dissolyed in solution were assumed to be reduced.
only 200 uC/T.cm.9 were required for reduction of the adsorbed
oxygen. Bowden suggests that the surface layer is ngt adsorbed
oxygen but a monolayer of platinum oxide. Ershler 3 studied
the anodic dissolution of platinum In chloride solutions and
found a marked decrease In the corrosion rate of the platinum
when the surface is only 6 to 7 per ent covered with
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oxygen, This he attributes to the repulsion of chloride
Ions by the negative space charge set up by the adsorbed
oxygen.

Other Inert meta s, such as gold2 and some of tbA metals
of the platinum group , show the sawe general behavior on
anodic polarization. On cathodic polarization of anodically
polarized gold electrodes, there are two potential arrestss
the first corresponding to the removal of an aurlc oxide,
and the second to the removal of adsorbed oxygen. Some of
the other metals of the platinum group form visible oxides
on anodic polarization, but subsequent cathodic polarization
always gives a potential arrest corresponding to the reduc-
tion of adsorbed oxygen. These methods of determining sur-
faclqconcentrations are very sensitive, the determination of
10-" equivalent of oxide or 1014 atoms of oxygen being
easily possible,

There is the possibility of oxygen evolution becoming
the predominant anodic reaction at the surface of an mnazaent.z
active metal upon meeting certain conditions I.e., the
metal to said to be passive. For example iI iron is po-
larized anodically at a sufficient current density, in the
proper electrolyte solutions first there is dissolution of
iron which suddenly stops and simultaneously oxygen evolu-
tion begins. During the transition between these two reac-
tions, the electrode potential falls rapidly from a value
compatible with the dissolution of iron to a value exceeding
that predicted for the reversible oxygen electrode. This
potential drop usually amounts to more than one volt. Nor-
rally, It would be expected that oxygen evolution could oc-
cur simultaneously with Iron dissolution if the current den-
sity was raised sufficiently to shift the electrode poten-
tial to a value indicative of oxygen evolution. These high
currents are attained from a physical masking of the elec-
trode surface by precipitation of ferrous salts, which in
effect block most of the surface. This greatly increases
the current density for the remaining exposed surface. This
mechanism has been extensively studied by Mueller, and h1.s
work is summarized by Evans,

A difficulty arises In the explanation of the complete
cessation of the dissolution of the iron. It Is widely be-
lieed that when oxygen evolution co nces, a protective
covering has been formed on the surface. It Is the nature
of this covering that causes most of the controversy in the
field of passivity.

Active metals which can evolve oxygen behave In one of
two ways when they are treated anodically. Aluminu=, lead,
sines Ittanlum, and some other wtals form visible oxides
which adhere to the metal surface* Iron chromlum, nickel,
sad s~eral other mtals do not form visible coatings, even
wt %long periods of such treatment.

In both oases, Zvanso considers passivity to be dus to



the formation of an oxide film on the surface of the metal,
the oxide remaining Invisibly thin for the iron group of me-
tale. Although a very thin and almost transparent film of
Fe203 was successfully stripped from the surface of passive
Iron there Is no evidence that this oxide film actually
existed on the surface of the iron. Nevertheless, BVans
considers that a layer of Pe0 forms a physical barrier
Isolating the metal surface irgm a potentially corrosive en-
vironment. This is the generally accepted theory.

BonhoefferY, upon Introducing cathodic pulses to an iron
electrode passivated in concentrated :NO;, concluded that the
surface was covered with a monolayer of Fe . He found
that 200 uC/A.cm 2 were required to break hs monolayer down.
Roberts and Shutg carried out the same type of determination
on chromium, and concluded that the passive chromium surface
Is covered with Cr203 to the'extent of a monolayer. There
was some uncertalnty becausn of the difficulty in measuring
the true surface area of u~e electrodes. From the number of
coulombs passed in the passivation of nickel, cobalt, and
copper, Huckling9 considers the passive covering to consist
of a monolayer of the respective oxides. If all these Mono-
layer quantities are valid then these oxide layers would not
be visible, much less stable, If they were stripped from the
surface of the metal.

Other tkeories of passivity concede that metals such
as aluminum are protected by a thick oxide layer and dis-
cuss the passivation layer of the otýgr group of metals on
a different basis. Fontana and BeokLU concluded that physi-
cally adsorbed gases are important to the passivation of
stainless steels. They were able to activate steel samples,
made passlye In H2804, by evacuation of the system.

Mg ta~developed the electron configuration theory which
he first applied to the lron-chromium alloys. He states that
chromium Is naturally passive due to an incomplete 3d shell,
and is able to impart passivity to Iron on alloying the two
metals. The assumption is that chromium, having 5, 3d elec-
trons, can accept 5 electrons from the alloyed Iron atoms --
one electron from each Iron atom - to produce a completed
3d shell. Thus an alloy containing 16 mole per cent of
chromium should be naturally passive. This is In agreement

i • with observed properties of these alloyspand Ow uthod has
been extended with equal success to other alloy system,
There seem to be several obstacles to the acceptance of this
theory. Chromium is not naturally pasSiVe, 9 1 I
nzJ•iaJat. If the iron is passIvated by the removal 7o its
deletrons, why is not the chromium activated b ethe accep-
tanes of these electrons? Besides this, Beuiinnm has pointed
out that the electron configurations used by M11i were for
the gaseous state and are not valid from the consideration



of the band structure of metals. Neumann also points out
that most electron transferrences would be in the opposite
direction.

Uhlig has extended the concepq of the electron trans-
fer into a generalized film theoryl3, which has much merit
in that there is a realization of the important aspect of
specific interaction between the passivating layer and the
underlying metal. In the generalized film theory the passi-
vating layer is chemisorbed and removes electrons from the
metal surface to form a polarized bond. Thus, chemisorption
serves the same purpose as alloying with chromium. From this
viewpoint, a multitude of substances could passivate a metal's
surface. Likewise, the activating action of adsorbed and
absorbed hydrogen can be explained by donation of electrons
to the metal with formation of H* ions.

Assuming the validity of the generalized film theory,
a passive surface evolving oxygen might be covered with
chemisorbed oxygen atoms. Experiments on the adsorption of
oxygen from the gas phase onto the surface of these metals
indicate that the bonds formed are very strong and polarized
so that thm oxygen atoms are pegative with respect to the
surface of the metal. Weiszl' has derived an equation showing
that only a small fraction of the surface need be covered
to obtain a uniform negative space charge density, and that
in many cases of chemlsorption with polarization of the
bonds, it is impossible tO completely cover the surface.

Despite the effort that has gone into deducing the na-
ture of this passive film, there is still a need for a criti-
cal experiment to examine the film in situ. The present
work may furnish some Insight into the nature of this cover-
ing on passive iron, as well as Information on its associated
anodic behavior.

Experimental Apparatus and Chemicals

•T ron used In all experiments was supplied by the
Armco Steel Corporation. Their analysis showed the follow-
Ing impurities: C, 0.010; Mn, 0.010; P, 0.005; Bi 0.002;
Cu, 0.0%.

Grade A helium obtained from the Amarillo Division of
the Pureau of Mines was bubbled through the solutions. Their
asspy shows it to be 99,997 per cent pure, with less than
10"' per cent of either oxygen or water vapor.

All solutions used were 0.1 'M in Na2 304' These solutions
were prepared by taking allquots from a single bottle of 1.0
M Na 2 804, made with distilled water and C,P, Na 2 SO04 . The
PH aU the solutions was varied by addition of COPO K680L or
COP* W&. Wutters were not used to stablise the a2 of any



qf• solutions. All water used for preparing the solutions
ws dstilled "equilibrium" water.

All coupons were cut from the same sheet and measured
approximately 2 x 3 cm. Steel rods, spot wOlled to the sou-
pons, were used as electrical contact and support for the cou-
pong. The coupons were annealed at 1000° C. in a vacuum of
10 m.lHg. for 1/2 hour. Mercury vapor was kept from the an-
nealing oven by the use of tw a dry .loe-lsopr panol cold traps.
Prior to each experiment, the coupons were polished with num-
ber 2 emery paper and degreased in benzeng1 The exposed area
of the electrode was formed by Willbanks',A method. A cel-
luloid washer was placed on the electrode, and Ucilon was In-
troduced between the washer and the surface of the electrode.
Except for the exposed ,-surface In the center of the washer,
all the remainder of the coupon -was covered withWyvawax.
This gave a reproducible area of 0.24 ± 0.(2 cm. Myvawax
was chosen to mask the electrode for, unlike paraffin, It does
not have the tendency to crack at the temperatures used in
this work. The apparent area was determined at the end of
each run with a traveling microscope. The diameter of the cir-
cular spot formed on the coupon was measured from four differ-
ent positions and the average of the four used to calculate
the apparent area.

gn o of the polarization cell is shown approximately
]/2 size in Figure la. The steel rods with attached coupons
screw into-the holder (G). The holder consisted of a Kovar
glass to metal seal with an insetted briss plug tapped to re-
ceive the steel rod. The auxilliur/ polarizing electrode was
made of platinum wire sealed into myrex. The possibility of
diffusion of dissolved hydrogen from the auxilUual electrode
to the iron electrode was eliminated by the use of solution
bridge CD). Likewise, solutlon contact between the reference
electrode and the iron coupon was effected by means of a bridge
oontaining the experimental solution. This bridge (B)t pro-
vented chloride ions from the reference electrode diffusing
to the experimental electrode, A saturated calomel electrode
(potential relative to the hydrogen electrode of ÷0.259".)
was used as the reference. Unless otberwise stated potentials
are relative to this electrode. The solution bridge for the
reference electrode terminated In a capillary tip which, by
manipulation of the ball joint, could be pla.,ed edose to t
surface of the electrode. Stirring was occom plished by bub-
bling helium through the solution, the inlet be9ig at (A). The
outlets for helium abd a gase ewolVe at tb**ee0oroites' are
(B). For all experimients, the oell was iamersed In a censtant
teaperature water bath therostatted to 0 t 0.2C co
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Figure 1A. The experimental cell.

Figure lB. The schematic diagram of the
electrical circuit.
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A scia agram of the polarisziv and measuring air-
cult Is shown in Figure &. Anodic p~larization currents were
supplied either by a D.C. power supply or a 90 volt battery.
The D.C. power supply produced the relatively large currents
needed to pussivate the coupons. When the coupons were pas-
sivated, the smaller currents necessary to maintain the pas-
sive state were drawn from the 90 volt source, Cathodic po-
larization currents were taken from another 90 volt battery.
Measurements indicated that currents were constant to O.1 per
cent over a 2 hour period. The electrical leads for both the
anodic and cathodic sources terminated in a toggle switch so
that it was possible to change rapidly from anodic to cathodic
po1rzisatiok6. ;The:.current density was varied by interchange
of series resistors in the polarizing circuits. The exact
value of the current was determined by measurement of the
voltage drop across a precision resistor.

Time-potential traces were taken with an automatic re-
cording potentiometer, a model V153X(19)(V)-X-66 Ninneappolis
Honeywell Brown Electronik recorder. This model has a pen
speed of 1/2 second for full scale'travel. The voltage span
was Increased, her, to a 4 volt span by means of a potential
divider. For the resistances used in this divider, the re-
corder requires 0.8 microampere/ volt. The basic paper speed
of the recorder is 2"/second, with gear changes allowing 1, 3,
and 4e"/second. A microanmeter and a precision resistor were
placed in the measuring circuit to determine the recorder
current when necessary.

A 1.2 V bucking potential, tapped from a potenlial divi-
der across a 1.5 V battery, was placed In series with the ex-
perlmepatal cell. This prevented a change In polarity at the
ihput leads bf .the r.ecbikddr when electrode potentials varied
betunp the Actie ahd pasdite valUbbi

N6 oxygen overvo4tags Ootd*ttials were measured after be-
omftn invariant *hwi timi. The more accurate Rubicon poten-
•tONteU was used for these potential measurements, and poten-

tials were recorded to the nearest millivolt.

Surrae. Agea Resa ueIg~a.
T true area of the Iran surfaces was measured on the low

area B.B.T. apparatus developed by Jolnmchl 6 and Modified es-
pecially for bulk metals by Komodromos" 0 Fifteen 7/8" cir-
cular discs were out from the same sheet used for the electrodes.
These discs were annealed and polished in the same manner as
were the electrodes.. Krypton was used as the adsorbate at
liquid nitrogen temperatures. For these low areas it was
necessary to correct for adsorption on the walls of the glass
system. Two determinations were made for the dead space, two
for coupons freshly abraded with number two eaery paper, and
one for the coupons passivated for two hours in neutral 0.1 X
N*2804e The rougkness factor for the glass was measured with



top, and the bottom of the outer tube was connected to the dead
space. This gave a large surface area to dead space volume
ratio. The results are givon below.

Dead Space Washed in Soap 1.8, 2.0; avg., 1.4
Iron Coupons Abraded 2.?, 2.9; avg., 2.8
Iron Coupons Passlvated 7.7

Tntr e r n OSM 1isbt o refer
to Figure 2 which is a typical time-potential trace of an iron
electrode being polarized alternately anodically and cathodically,
The pH of the solution was 11.6 for this experiment. The ano-
dic current causing the iotential change from A to C or G to
CO was about 10 mk/A.cm. The potential change from C1 to R
came about when the anodic current density was suddenly re-
duced from 10 to 0.1 zn/A.ocm"

The potential arrests In these curves are Indicative of
chemical reaction, e.d.l. buildup, or e.d.l, decay. The po-
tential of the arrest Is determined by the reaction proaeed-
Ing at the electrode, and the period of existence of the arrest
depends on the amount of reaction occuring,

No extensive studies were made of the potential arrests
labeled A, B, Bt, 0, and 0' for It was felt that processes oc-
curring at these potentials were not of primary interest to
this work.

20A Mz= gtental ILI
The poten ý',t (A) is obtained on placing the electrode

In solution with no external anodic or cathodic polarization.
In these experiments, the measured potential is not quite the
open circuit potential. At the usual recorder reading, a ca-
thodic current drain of about 0.5 u& is necessary for operation
of the recorder, The potential measured under these condi-
tions is 5 to 10 millivolts more negative than the same poten-
tial measured on a very high resistance potentiometer.

The open circuit potential of an electrode is complex In
most cases, and the Iron electrode Is no exception. A typi-
cal iron surface contains regions of relatively high electro-
chemical reactivity. These regions are anodic with respect
to the more Inactive regions of the surface, i.e., the catho-
dic areas. The current passing between the local anodes and
cathodes polarizes both to approximately the same potential,
and this is the open circuit (or mixedy) potential of the Iron
electrode under normal conditions.

The open circuit potential of the electrodes Was not
studied to any extent, QuaUtatively, the potmticI Varied
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Figure 2. Potential - Time traces for the build up
and decay of oxygen evolut4on in basic

solution.
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from -0.7 to -0.4 volts depending on the PH of the solutions
the potential varying directly with pH.

Anodit 'Dsouin2I= M

With the potential of the electrode at A, anodic polari-
zation was applied. If the current was sufficiently large,
the potential eventually came to the oxygen evolution poten-
tial, C. In going from A to C, a potential arrest was found
at B corresponding to the polarised anodic dissolution po-
tential of iog-ferrous Ion.

Mueller, ' found that passivatlon is preoceeded by passage
of a certain number of coulombs, which depends on the experi-
mental conditions. For instance, It varies directly with stir-
ring rate and Inversely with pH of the solution. These obser-
vations led him to conclude that dissolution of some quantity
of iron is an Integral step In the passivation process. He
postulated that, for sufficlenty high current densities, the
transfer of ferrous ions to the bulk of solution is under dif-
fusion control. This allows the concentration of ferrous
lons In the vicinity of the electrode to increase until the
solution Is saturated. At this point, precipitation of ferrous
salts on the surface of the electrode masks most of the surface,
causing a large increase in current density. To allow for this
increase in current density, the potential increases in a posi-
tive direction. Eventually the potential will rise to the
oxygen evolution potenttil. Only then will oxygen be evolved.
Bartlett and Stephenson49 have used a Schleren microscope to
observe directly the dissolution of metals. They are able to
follow the changes in concentration of the dissolution pro-
ducts in the vicinity of the electrode.

It was easily possible to verify the postulates of
Mueller qualitatively4 In a solution of pB2., the number of
coulombs necessary for passivation was found to be about 100
times the number required for a solution of pH 12. Simiarly,
increased stirring rates required the expected increas In
the number of coulombs passed prior to passlvation.

When the potential of the anodically polarised electrode
passed from B to C, oxygen evolution coMmneed. Potential C
is the steady state oxygen evolution potential. This poten-
tial was measured, as a'funation of thO'ourrnt :denuity and
solution pH. The experimental procedure for eacb pH studied
was to S A) passivate the coupons at 20 mi/Alcin. for two
hours, B) switch to the 90 volt battery for the masuressont,
C) vary the anode current by interchange of series resistoros
and D) easure the potential at each ourrmnt settifng
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At the same pH it is expedient to measure a whole series
of points on only one coupon. The difficulty with this pro.
cedure is that the freshly abraded coupons slowly roughen
with passivation'time. This produces a continous variation
in the current density due to the changing surface area. The
procedure adopted here was to purposely roughen the coupons
by passivation for two hours at 20 mA/A.cm. . The coupons
which showed a roughness factor of 7.7 (Table 1) were treated
in the same manner. It was felt that in this length of time,
the coupons would reach a maximum roughness. There is no in-
dependent verification of this assumptian; however, Figure 3
demonstrates its validity. Experimental points for each of
the curves were not taken in sequence. The smoothness of the
curves is indicative of an unchanging electrode area.

After switching to the 90 volt battery, the potential of
the electrode was measured at 15 minute intervals. When the
potential changed by less than 0.2 millivolt over one of these
intervals, it was recorded. Forty-five to sexty minutes were
usually required to obtain the steady state. Some potentials
were followed for as long as five hours, and no change was
found after the first hour.

Oxygen Overvoltage At j 2j11, 110, and 12.2

Figure 3 shows the variation of the measured electrode
potential, Em, with logarithm of true current density for
solutions of pH 9.,, 11.O, and 12.2. These curves approach
Tafelts linear kelationship only at the high and low current
densities. The three curves indicate that there is a combina-
tioniof resistance, concentration, and activation polarization.

Resistance Overvpay9tg.
Since resistance polarization is of little theoretical

importance to the nature of the electrode reaction, it is only
necessary to eliminate it. It is neither desirable nor pos-
sible to place the capillary tip of the reference electrode
against the surface of the electrode, and therefore appre-
ciable ohmic overvoltage occurs at the higher current densities.

The particular design of this cell made it impossible to
correct for this by extrapolation of potential-distance curves
to zero distance. However, using the recording potentiometer,
it is possible to calculate the ohmic overvoltage by another
method. If the anodic polarization is allowed to decay, an.
almost instantaneous drop is observed as the first step.
This drop is labeled D in Figure 2. True ohmic overvoltage
decays instantaneously. On the 1/2 second recorder, a small
time (about 1/10 second) is required for this decay. However,
the decay time does not vary with the cathodic decay current
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Figure 3. Measured oxygen overvoltage curves

for solutions of pH 9.5, 11.0 and 12.2
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Figure +. Ohmic overvoltage as a function of the

anodic current density-pH of 12.2.
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as would be expected If the potential drop D required the pas-
sage of chmrge. The decay D Is Instantaneous as far as the
recorder is concerned.

A plot of this 11 drop versus the anodic current density
prior to decay should give a straight line, Figure 4 shows
such a plot for the pH 12.2 solutlon. The slope of this line
is the ohmic resistance per ca,. of true area. Iultiplication
of this resistance by the true anodic current density gives
the ohmic overvoltage at a• current density. Currents on the
order of 10 to 50 mAj/Tom. are used to obtain measurable po-
tential drops (D) on the recorder

For solutions of pH 9.4 and 11.0 similar plots were con-
structed from the experimental data, The determination of
those slopes was made Just before the overvoltage measurements,
The following table lists the slopes of the linear plots for
the three solutions*.

Sic pe (volts/amp./T9*. 2 )

9.5 ,1.0
11.0 36.6
1202 33.4

Calculation and subtraction of the ohmic overvoltage for
each of the experimental points of Figure 3 results In the
curves of Figure 1. Figure I shows that the corrections help
linearise the upper potential steps of the curves of Figure 3g

Te u of from unbufr-4red aqueous solutions

can easily lead to concentration polarization. Yhen the dif-
fusion of hydroxyl ions to the electrode Is slower than Is their
disehwge rate, the PH at the surface decreases, The equatian*
for the ehange in o c ooncentratton

Aur" Oi3 .•..&..,." I (Z,)

holds while the solution at the surface of the electroie Is
still alkaline. Mbre, .i is the thickness of the diffusion layer,
D_011- Is the difftslon aoeefiolent for hydroxyl ioq, F 1I the
Firaday, and I Is the apparent current density, ems about

Stis treatment is Sgivs by I19,1



5x 10-3 cm. for solutio s stirred by bubbling gas, and DOH!
is approximately 4 x 10-7 equivalents/A.cm. 2 sec. The
a.parent areq is us ed. for calca1atioa.'of1curi.rnt densities
because the depth of abrasion scratches on the electrode sur-
face is usually small compared to .

For current densities sufficiently large to acidify the
diffusion layer, calculations must be made on the basis of the
increase in hydrogen ion concentration at the surface. Undef
these conditions, the equation for the concentration of H+ at
the surface is

() ij/1? - 10"3DO- (0H').B (2)
IO'3DII

where (OH')B is the bulk concentration of hydroxyl ion, DH+
is the diffusion coefficient of hydrogen ions, and the other
symbols have the same signifigance as in Equation (1).

The difference of potential for a chemical species (A) in
two different phases (1 and 2) is given by

A R= -E•T Inx (A (3)
F (A)2

The concentration overvoltage for electrode systems with an
alkaline diffusion layer is given by

~' ~ ln (oH-IB - 1ý3_ 0/DOH-F (1+)
F (OH-)B

For systems with an acidic diffusion layer, the concentration
overvoltage is

& = -R n 16I/2.- jo-3DoH-(OH-)B()

IO' 3DHi (HB)B

A plot of AEc as a function of log I is identical to a poten-
tiometric titration curve with the volume reagent added re-
placed by log I. The potential steps in Figure 5 are of the
approximate height to be explained by concentration overvol-
tage. Subtraction of the calculated concentration overvol-
tage should result in the linear Tafel plot for activation
polarization.

For a completely valid calculation of the extent of con-
centration overvoltage for the three pH solutions, the follow-
ing must be known: (1) The bulk pHi this was measured on a
Beckman pH meter (2) Independently determined values for .' and
D. Normally, inAependent determinations of the parameters and
D are involved and were not considered necessary for this
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.Figure 5. Oxygen overvoltage as a function of the

logarithm of true current density, after

subtraction of ohmic overvoltage.
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work. The apparent cur~rent denisity at which the parenti,1
stop occurs is the limilttng cu/trent density (l..od.)o At the
looodo, thie (0O{ )3 falls almost to zero. ThusS&l is almost
oqual to the bulk concentration of hydrate., ion. Substitu-
tion or ti~is value and the leo.do into Equation 2 yields the
ratio of */• More unoortainty exists in the value of
than in the value of D. due to the marked variati gn of 6
with stirring rate. Th•diff.usion coefftuiont for h•O Or
can bo assignod the value of 4 10- lw th reasonable cortainty,
and, hgnes, 6 can be oa•,oulatod, Table 3 lists 1.codos• , "
and 103 •/DJ)•F for oach solution plto'

Table 3

9.5 .069xlo-6 ok .4ho-_3 111.02. ,9 10 2.86:1o-3 07.
12.2 4÷.33 x10"3 2.81x10-3 0.728

Usintg King's values of 5 x10-3 and 1k 3O 10" . 5 f • I

DOE-, equation (2) gives

Aor. -1].25 I (6)

The agreement of the values of ?able 3 with Equation (dr)
is good considering the large variations that Kin found in
his determtnations of 6' • The constancy of 6 or the linear
variation of log(1.c.d,) with pH gives strong ln~iacation that
the potential steps of Figure 5 arise from cor•,._ration po-
larizationo Also, it was repeatedly observed tha increased
bubbling rates shafted the 1.codo to larger valueso Undoubt-
edly, the variations that do exist in 6 are due to the ina-
blllty to reproduco the conditions, of stirring

As suming DOH- = DH+. = 1 x 10"5 and using the values of
Table 3, t~he.ooncentration polarization was calculated from
oquations (1• and (5) for the three solutions . For the pub-
poses of calculation• the .true outrant density for each point
in Figure 5 was first converted to the apparent current den-
sity. Figure 6 shows the calculated concentration ovorvoltage
as a funotion of log(a/T.cm.') for the pH 9o5 solution. The
concentration for all three .solutions were subtracted from tho
oxperimontal curves of Figure Vo The elimination of concen-
tration ovorvoltagos resultsin Figu/re 7.

The potential steps were not quite oliminatod; howevero
both the upper and lower sections are lineoar and of approxi-
mately the same slOPeo An explanation for th residual step
is offered lator.o
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Figure 6. Calculated concentration overvoltage as

a function of the logarithm of apparent

current density for a solution of pH 9.5.
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a curves of Flgure 7 are Tafel ploip for acti-
vation polarization. The activation polarized polontlals, Ua9
are converted to overvoltages,• by subtraction of the re-
versible oxygen potential appropriate to each pR. The rever-
sible oxygen potential as a function of hydroxyl Ion concen-
tration is .

*02 o 0,'i3 -,0.055 Log (OH-) (7)

at 50 C. relative to the saturated calomel electrode. The
constants a, a', and b of the upper and lower sections of the
Tafel curves

Ea = a + b Logl (8)

and ?Z =at+ b Logi (9)

are listed in Table 4, with the reversible oxygen potentials,
The signifigance of these data in more appropriately discus-
sed later.

Althoughethe proeedingdataha~ve aff ed a good demon-
stration of concentration resistance overvoltage effects, the
resulting Tafel curves are still unstaisfactory. This is due
to the large corrections needed, except at low current densi-
ties. To obtain more accurate activation overvoltage curves,
it Is best to (a) Utilize the self-buffering action of either
high or low pH solutions to minimize concentration polarization
and (b) Work at smaller current densities to minimize resist-
ance polarization. The results of experiments under these
more rigorous conditions are shown in Figure 8. These Tafel
curves have been corrected for concentration and resistance
overvoltage where necessary. The largest correction applied
to the pH 2.5 or 14.5 curves was 10 millivolts, The pH k40
curve required somewhat larger corrections. For these small
concentration overvoltage corrections, It was considered un-
necessary to redetermine 6 . The average of Table 3 was used
with the bubbling rates reproduced as closely as possible. The
constants of Equations (8) and (9) which fit these linear

* The pH of l4. was calculated for a solution 1.0 N in NaOh
and 0.1 N In LNaSjhk having an activity coefficient of
0.650. For ths olution, there was no pre-roughening
treatment, "nd It was observed that the coupons did not
roghena. The roughness factor of 2.8 was used In the
ealeulations of the true current d4asty.

, a a a -- -
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Figure 7. Activation overvoltage versus logarithm

of true current density for solutions of

pH 9.59, 11.0, and 12.2.
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Figure 8. Activation overvoltage versus logarithm

of true current density for aolutions of

pH 2.5, 4.0, and 1i.5.
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curves are given in Table 40

Table 4 is a compilation of data gathered from the Tafel
curves at the various pH's. fxoluding the upper sections of
the Tafel curves, two general trends are noticed. First, the
slopes are different in acidic and basic solution. This Is
indicative of a change In reaction mechanism. Secondly, the
constant a' generally Increases with decreasing pH. This ef-
fect is offered as the explanation of the anomalous potential
steps of Figure 7.

The potential steps of Figure 7 Indicate a change in the
mchanlm or type of anodic reaction. However the data re-
sulting in Figure 7 are quite complex and require large re-
sistance and concentration overvoltage corrections to obtain
the Tsfol curves. Table 4 shows that, at constant current don-
sity, a' varies Inversely with pH, The three columns of a'
valies are ealculated issuming current densities of •,
10-0, and 10"O A/'.cm.. The a' values are the total overvol-
tages at those current densities. Figure 9 Is the plot of these
at variations with pH for each of the units of current den-
sity. The changes In pH in the regions of the potential steps
are about 4i 6, and 8 units (pH 9.5, 11,0, and 12.2). Figure
9 shows qualitatively that these surface pH changes alter at
sufficientiz to explain the residual steps in Figure 7.

Bokris ', in developing the theory of activation over-
voltage, points out the necessity for certain parameters not
discussed here, to remain constant. These parameters are in-
cluded in at. For a linear variation of overvoltage with the
logarithm of current density1 either a' must be independent
of the current density, or a must have a logarlthmic depen-
dency on current density, The second condition cannot easily
be given a theoretical treatment. Often a' Is found to be
Independent of pH over wide rangea, as In the evolution of
oxygen off a platinum surfacesz

The upper sections of the curves of Figure 7 can be con-
sidered In another manner* The surface pH conditions that
existed for the upper sections of these curves are similar to
the conditions in solutions of pH 2,5 and 4.. Table 4 shows
that the a' constants for these two cases are approximately
the same. Therefore indications are that the potential steps
of Figure 7 do not signify a change in the type or mechanism
of the anodic reaction.

A closer inspection reveals that the previous conclusion
is probably not tenable. The removal of the potential step
&mw" eliminate the possibility that the mechanism of the
upporstep differs from the mechanism of the lower step. The •
elopes of the Tafel curves in acid solution differing from
theo In alkaline solutian Udicate a chmnge In the neehanism
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TABLE IV

S. .. Lower.'.. ..
pH ER02 b a(A) a (A) a (nmA) a' (uA)

14.5 0.153 0.054 o.852 0,699 0.,537 0.375
12.2 0.277 O.046 0.962 0.685 0,547 0.409
11.0 0.349 0.046 1.060 0.711 0.573 0.435
9.5 0.432 0.052 1.228 0-.796 0.640 o:484

0,736 0.040 1.550 0.824 0,c7ao+ 0.584
2.5 o.818 0.030 1.614 0.796 0,706 0.616

SUpper_ _
pH ER02 b a(A) a'(A) a(rn) a,'(uA)

12.2 0.277 0.045 1.080 0.803 0.668 0.533
11.0 0.349 O.O49 1.215 0.866 0.719 0.572
9.5 01432 0.0+5 1.264 0.832 0.697 0.562



Figure 9. Variation of the a' constants of the Tafel

equation with pH.
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of the reaction. The slopes or the upper sections in Figure
? agree more closely with thosq in alicaline solution. When
the solution at the electrode is acid, the slopes should a-Free with those in acid solution. There are several reasons
or this disagreements

First, there is a pH variation over the range of current
densities of the upper sections. For instance, at pH 9.5,
there Is a variation of 2 units. Figure 9 shows that, in
acid solution, at increases with decreased pH over the current
density range studiedo It is Impossible to say whether a pH
change of 2 units is sufficient to reduce the slope to a value
compatible with the bulk acid solutions. However, corrections
of slopes would be in the direction of the values for acid
solution.

Second, when the experimental data were taken, the pri-
mary Interest was on the concentration overvoltage effects.
For a -mere accurate interpretation of the upper slopes, the
experiments will have to be extended.

The more valuable and valid conclusions pertaining to
activation overvoltage were obtained from the solutions of
pH 2.5, .,0 and 14.5. The slopes of the Tafel curves in these
three solutions are 0.030, 0,040, and 0.054 respectively.
The measurements at pH 4,6 are the least useful due to the2 2
extent of some of the corrections. Theoretical treatments
show that the slope of the Tafel curve Is closely related to
the specific mechanism of the electrode reaction. This fur-
nishes an excellent means of investigation of electrode kine-
tics. Each rate determining step in the electrode reaction
provides a characteristic value for the Tafel slope, which is
an integral multiple of 2.303 RT/F. Table 5 lists the more
probable mechanisms for oxygen evolution along with the theo-
retical slopes, b, and the -tPAichiomatric nuuber,"y . The
b values are calculated foe, ) C. assuming a symezrical po-
tential energy barrier, andli Is the number of times that the
rate determining step occurs when the over all reaction oc-
curs once. An experimental determination of both b and2/ Is
sufficient to characterise the exact mechanism, the determi-
nation of, requires measurements at current densities on the
order of the exchange current, Potential measurements at
these currents are very tediouso

The experimental value of 0o030 at 24 agrees well
with step 2in mechanisms 3. 4, or 6. It should be noted that
the parameters associated with the mechanism are the same re-
gardless of whether hydroxyl ions are discharged or water mole-
cules are discharged In the first steps. Mechanisas 4 or 6
however, are improbable since in acid solution, t1e hydroxyl
ion eooaotration suggests that step 3 of each mechanism Is
unlikely. Therefore, the mechanism of oxygen evolution at
p3 2.5 is believed to bet

1, Discharge of 20 to give hydroxyl radloals ad-
sorbed 1 the iurfa.oe
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TABLE

Mechanism* b 1V

1. +0H- *.M-0H + 4eu 0.110
1+M-OH - 2M-O + 2M + 2H20 0.028 2
2M-O 2M + 02 0.0-1i 1

2. 20H- -• 2M-OH + 2e; 0.110 2
2M-OH + 20H"- - 2M-0 + 2H20 + 2.; 0.036 2

or 0110 2
2M-0 - 2M + 02 0.O1+ 1

3. 40H- - o )i-0H + 0e; 0.110
2M-OH -" 2M + M-HqO0 .OoI 1
U-OH + il-H,2 02 -+ ku + U-HOý2  0o Ci1) 1
M-HO2 + - .O- 2X+ 02 + 20 O.014 1

4. 20H- -+ 2M-OH + 2e; 0..10 2
2M-0H - M-0 + M + H0 0C-8 1
2M-0 + 20H- -4 2M-0-U-H + 2e; 01.10 2
2-0-OH -+ M-0 + M + H2 0 + 02 . 1

5. 40H- -1 M-oH + 4e; 013.10
2M-OH -# M-0 + H 0 0.014 1
M-0 + M-OH + M-t-OH O.14 1
M-0-OH + M-OH -* M+H2 0 + 02 O.Lod4 1

6. 2M-0H" -+ 2M-OH + 2e; 0.110 2
2M-OH -M + M-0 + H 2 0 0.028 1
M-0 + 2M-OH" -* 3M + 2e; + 02 + 120 0.055 1

7. 2M-OH- M -O + H0 + 2e; 0.055 1
M-0 + 2M-OH"-+ 3N + 2e; + 02 +H20 0.055 1

* The first five mechanisms are taken from Bokris 2 0 .

- - ~ fl . a- - - - -.- - -~-id
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2. Conversion of the hydroxyl radicals to ad-
sorbed oxygen atoms. ;This is the slow step*

3, Combination and simultaneous discharge of
oxygen atoms*

The slope of the Tafel curve at pH 4*0 is 0.040. This
best agrees with the theoretiocl slope of 0.036 for the se-
cond step of mechanism 2. The second step in the oxygen evo-
lution reaction is the reaction •between adsorbed hydroxyl
radicals and hydroxyl Ions in solution, The pH of 4.0 may
allow the discharge of hydroxyl ' ion to replace the discharge
of H20. At PH ,00, the mechanilim Is&

1. Discharge of water ow hydroxyl Ion to give
hydroxyl radicals adsorbed on the surface.

2. Reaction between the 'adsorbed radicals and
hydroxyl ions in solution to give adsorbed
oxygen atoms,

3, Combination of adsorbed oxygen atoms with
simultaneous discharge.

The experimental slope measured at pH 14.5 is 0.0% which
agrees closely with the value 0.055,. None of the first five
mechanisms have steps s•rrespondlng to that slope, Using
the notation of BokrIJ1 and assuming a synmmtrical energy
barrier, the theoretical slope of the Tafel curve for a reac-
tion step Involving electron transfer is

b-n 0,110 i
where Is the stoichiometric number and 7e is the number of
electrons transferred in the reaction step. -of must be twice
the value of 2/ to obtain a slope of 0.055. This condition
Is satisfied only by mechanisms 6 or 7. Mechanism 7 differs
from 6 only In that there is & direct ouidation of adsorbed
tdroxyl ions to an adsorbed oxygen atom without going through

hydroxyl radical Intermediate, Lacking further evidence,
mechanism 6 is preferable because the hydroxyl radical inter-
mediate has a]Ltbdt. been postulated in mechanisms 1 and 2.
Therefore, the mechanism in strongly alkaline solution ist

1. Adsorption of hydroxyl Ions on the surface,
2. •hdatten of adsorbed hydroxyl ions to adserbed

hydroxyl radicals,
3. Dehydration of two hydroxyl radicals to form an

adsorbed oxygen atom.
4, Reaction between an."adsorbed oxygen atom and an

adjacent adsorbed hydroxyl Ion to form hydrogen
ion and a deserbed oxygen molecule.

Later work showed that In basic solutions there Is exten-
sive adsorption of hydroxyl Ions on passive iron anodes* This
fact fits well with mchanism 6 Whioh dictates that the
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Figure 10. Composite Potential-Time Decay Trace.

Alkaline solution of pH - 11.6.

Section 1. Decay with large concentra-
tion overvoltage effects.

Section 2. Decay with small concentra-
tion overvoltage effects.

Section 3. Decay with no concentration

overvoltage effects.

Acid solutions of pHf 2.5

Sections 4 and 5.
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concentration of adsorbed oxygen atoms is emall compared to
adsorbed hydroxyl ions; otherwise, mechanism 1 would be oper-
ative with the direct combination of oxygen atoms.

The slopes for the pH 9.5 11.0, and 12.2 solutions are
0.052 0.046, and 0.046 respecilvely. These values are In-
termediate to the values in the more acidic and in the more
basic sol~tions. The values for the slopes of these curves
are probably too large for there is a continual decrease of
pH with Increased current density. As mettioned earlier, this
gives a larger slope than expected.

Considered collectively, these curves are quite complex.
The overvoltage is a functio; not only of current densitt but
also of pH at the electrode (whether by change in acid con-
centration or by passage of current). The difference In reac-
tion mechanism in acidic and in basic solutions Introduces
further complications.

Moreover, it was found that once the passive state of
Iron is attained, It may be maintained by very low current
densities, i.e., the potential remains #0.7 displaced with
respect to that for the anodic dissolulion of iron, Current
densities on the order of 0A1 uA/T.ac.' were sufficient to
sustain oxygen evolution.

Decay o £no&dt Polarization

When the potential of the Iron electrode evolving oxygen
was allowed to decay under differing conditions, three types
of behavior were observed.
1. Section 1 of Figure 10 was obtained in neutral or basic
solution with anodic current densities sufficient for concen-
tration polarization. After decaying through (D), the arrests
(B) and (F) were observed before the potential stabilized at
(G) with hydrogen evolution.
2. Sections 4 and 5 oO Figure 10 were obtained in acid solu-
tions. Unlike the first case,.the potential Iamediately drops
to the arrest (F) and then passes to (0). The conditions that
exist at the surface of the iron should be Identical to the
first case with the exception of the absence of concentration
polarization. This is shown by absence of arrest (E) in Sec-
tions 4 and 5.
3. In alkaline solutions with anodic current densities Insuf-
ficient for concentration polarization effeets, Section 3 of
Figure 10 was observed. The poltential passes through only
one arrest (H') on the way to (0). The arrest (H') is 0.4 to
0.5 volt positive with respect to the arrest (F) obtained in
acid solution. Section 2 of Figure 10 also obtained In basic
solution, shows decay with small amounts of concentration ponc
larization. This trace shows a mixture,Sf arrests (2), (F09
and (HI).

Sections I and 3 are Identical to the traces of Figure 2.
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SectIons 1 2 and 3 were taken with a solution of pH 11.6.The cathodic Jecay current density was 80 mA/acm.2, and theanodic p8larization current de4sities were 10, 0.59 and 0.1JU/T~ca.~ for the three 860tio"s respectively. Sectionsand 5 are traces at pH 2,1, The cathodic decay current den-.sity was the same as for Secticifs 1 - 3, Ind the aniodic cur-rent densities were 1.0 and 0.% mA/Tcm.ý respectively.The three types of behavior are' called Ca'ses 1, 2, and 3 andare discussed in that order.All decay measurements were made with a recorder paperspeed of 2"/second, Msasurements indicated that this paper
speed was constant and correct to better than 1 per cent*
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Jxgetjmntag Results

The first step in all the decay traces was the instan-
taneous potential drop (D) shown in Figure 2. This is the
decay of ohmic overvoltage. Its signifigance and utilization
has been discussed in the oxygen overvoltage section.

Sotentil arrest (B) Figure 2 was ob-
served. Figure 10 Is a more detailed composite trace of this
and other petential-4tme behavlor. In Section 1 the anodic
current density of 10 mA/T.cm. Is more than sufficient to
cause the potential step of concentration polarization at a
pH of 11.6. The upper sections of the curves of Figure 5 have
anodic potentials between 1.2 and 1.4 volts for the two high-

.est pl solutions. The potential of the arrest (E) begins at
about 1.4 volts decays slowly to about 1.2 volts and then
decays rapidly to (F). The arrest (E) was found to disappear
for anodic current densities insufficient to cause concentra-
tion polarization at a given pH. Section 2 shows that a small
amount of the arrest remalns, and in Section 3, It has disap-
peared completely. Likewise, the arrest (E) was absent in the
self-buffered acid solutions (Sections 4 and 5).

It was found that the length of existence of the arrest
varied inversely with the bubbling rate, and this length varied
Inversely with the cathodic current density. The latter vari-
ation is illustrated in Figure 11. Here, the decay times are
the average of four values for each cathodic decay current.
The data are found to fit the equation

I a CAt - D (11)

where I is the apparent cathodic current density, t is the
time of existence of the arrest (3), and C, the slope and D,
the intercept, are parameters.

For a given thickness of the diffusion layer (1) and a
given solution pR there is a definite deficiency of hydroxyl
ion in the diffusion layer. This deficiency can be formally
represented as a charge separation QC cessation of the anodic
current allows the destruction of this layer. It can be ac-
oomplished by diffusion stirring, and/or passage of cathodic
current. In Equatlon 11, C is the coulombie deficiency of
hydroxyl Ion per square centimter in the diffusion layOr. D
sheld be considered as the "hydroyl ion current density" of
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Figure 11. Decay time versus the cathodic decay

current density for the break down of

concentration polarization.
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diffusion and stirring. Increasing the bubbling rate increases
D and accounts for the decrease of t at constant Is Due to
a relatively small decrease of 8 with increased bubbling rates,
there is also a slight secondary affect on C.

C can be calculated independently knowing the bulk con-
centration of hydrozyl ion, (OR-)?, the apparent area of the
electrode, A and the thickness of the diffusion layer, 8
The volume ol the diffusion layer is

x 10-3 liters (12)

With large amounts of concentration polarization, the
(OH-) at the electrode surface is zero when compared to (0H')b,
and the average concentration of hydroxyl ion in the diffusion
layer may be taken as (OH-)b/2. The difference between this
average and the bulk concentration is also (OH") /2. Assuming
that the volume of the solution is large compareg to the vol-
ume of the diffusion layer, the deficiency of hydroxyl ion
in the diffusion layer is

A ACR-)b x lO"3 (13)

2

and the deficiency in microcoulombs is

C cSA(OHi)b x 10-3 x F (14)

2

where F is the Faraday.
for the data of Figupe 11, A was 0.25 cm. 2 , the pH was

11.6 L(OH-) ; 7.3 x 10-4],.& wgs taken as the average of
Table 3 [3.t i I, and F -- 10- The theoretical deficiency
is calculated to be

C = 31 microcoulombs

The experimental slope iS'•JO miorocoulombs/Acm*2  For
this electrode of area 0.25 am. ,

C = 26 microcoulombs

DecAy fher oqc ' o)l ion concentration in

the diffusion layer, the cathodic decay current removes any
reducible chemical species adsorbed on the surface. This in-
cludes the hydroxyl radicals and lxygen atoms found to be
adsorbed during the oxygen overvoltage experiments as well
as any protective covering such as ferric oxide. This pro-
cess of reduction occurs at arrest (F). As mentioned in the
introduction, the passive covering on iron is generally be-
lieved to be ferric oxide. AU3 the following work Indicates
this is not the case for km m n In haIl.



Figure 12, Applied cathodic current density as a

function of reciprocal time for destruc-

tion of the protective layer.
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An examination of Section 1 of Figure 10 shows that after
passing through (B) the potential falls rapidly to about +0.4
volt and then decreases slowly to about +0.05 volt. The po-
tential then breaks off sharply and falls to (G). The break
off potential signifying the end of arrest (F) varies ran-
domly from 0.00 to +0.10 volts. This value Is near the E0 for
the oxygen electrode.

If a certain number of coulombs cathodically passed, are
required to remove the passive coverlng, then the length of
arrest (F) should be inversely proportional to the applied
cathodic current density. This type of relationship is Iden-
tical with Equation 11 and is of the form

I = (e/t - f) (15)

where I Is the applied cathodic current density, and t is the time
of existence. The slope e, and the y-intercept, f, are parame-
ters which are constant for these experimental conditions.

Moreover, the overvoltage experiments revealed tkat the
local cell current density was less than 0.1 uA/T.cm.4 Thus
for applied iathodic current densities on the order of 50 to
500 uA/A.cm.', a plot of current density versus reciprocal
time should extrapolate almost to the origin. Figure 12 shows
several such sets of data. The small negative intercept is
due primarily to the current drain for the recorder.

The coupons were alternately passivated for one minute
and then forced to decay by cathodic polarization, the decay
time being measured for various current densities. Each de-
cay time shown Is the average for four traces. The one min-
ute passivation time was chosen arbitrarily, for experiments
showed that the breakdown time was independent of the passiva-
tion time over the Interval 0.25 to 180 minutes,* The anodic
current density prior to decay was 20.0 mA/A.cm. 2

Curve 2b was measured with no pre-roughening treatment.
The slope is 130 uC/A.cm. 2 The same coupon was then allowed
to roughen for one hour at 20 mA/A.cm.z, and the data oi curve
2a were taken. The slope had increased to 212 uC/A.cm.'
The measurements of curve 1 were preceeded by the pre-rough-
ening triatment used for the overvoltage measurements (20.0
mu/A.cm._ for two hours). The slope of this curve is 335
uC/A.cm. 2 With a 1/2 hour pre-roughening treatment, curve 3
showed that the slope was 160 uC/A.cm.4 Roughness factors of
7.7 and 2.8 are applicable to the measurements of curves 1 and
2b respectively. On the basis of the true areas curves 1 and
2b give 43.5 and 46.5 uC/T.cm. 2 The asreemnt ol these values
indicate that the increas e of slope with Increased roughening
treatment arises from an increasing true surface area.

Determinations shown in Figure 12, as well as others, are



listed below.

pre-roughlning

2b 6.8 0 146'. *5
3 11.0 1/2 hr. 1600
2a 6.8 1 " 212
1 6.8 2 " 3;,
1. 6,8 0"1

6.8 0" 122 43.6I11.0 1/21
S6,8 1/2" 1 ,.

6.8 3A 1F
9 6.8 2" 3 6.5

These results also indicate that the roughness factor In-
creases with the length of anodic pretreatment. The average
of slopes It 2b, 45, and 9 is 4.54 uC/T.cm.' This value can
be used to oaleuhaie the roughness factors of other coupons
given other pretreatments.

Next the arrest (F) was forced to decay under a small
cathodic current. At various times during the disappearance
of (F)t small anodic charging currebts were applied, and the
number of coulombs necessary to regenerate oxygen evolution
was determined. 'When the anodic charging current was appliedt
the potential Increased linearly with time and then leveled
off at the oxygen evolution potential consistent with the &no-
dic outrent density. The dashed lines in Figure 10 show typi-
cal "..,.Sging curves of this sort .

ThG charging curve results given here were taken following
the measurements of curve 2a. The rRughness factor was cal-
oulated by dividing the 212 A/.cme by the 4.5, uC/T.cmo
aver&ae. O this basis the anodic charging current was about
20 uL/T .om. The potential was forced to decay througb step
(F) by a cathodic current density of about 10 uh/?.cm.e. where-
upon the step lasted about 5 seconds. At various times during
application of cathodic current, mnodle charging current was
substituted. The linear section of the charging curves was ex-
trapolated to the resulting oxygen evolution potential (+l.2v.)t
and the time of charging to this tential was measured* The
followi= table records t0 chrgg tIms, the cathodic decay
tie and the number of or as neoessary to restore
oxygen ovolutics.
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Table 7

Decay time
anaL.. batgir -time ~ u~~ uGCI?.e. 2

1.9 sec. 0.35 sea. 7
"* " o0.61 1:

Once the potential had decayed Just beyond step (F),
complete repassivation was required before oxygen evolution
occurred again. That Is to say, arrest (B), accompanied by
dissolution of Iron, needs to occur before oxygen evolution
takes place. The number of coulombs necessar to regenerate
oxygen evolution under these conditions was io3 times the
values of the above table.

The results of the latter experiments indicate that the
disappearance of arrest (F) Is coincident with the removal of
the protective covering on the passive iron surface. The
coulombic requirements for charging the surface back to oxygen
evolution increases with the time that the arrest (F) has
decayed. On the order of 10 uC/T.cm. 2 are required so long
as the arrest (F) remains; however, once the potential has
decayed past the arrest, the repassivatlon process must be ac-
companied by the dissolution of iron at arrest (B) of Figure
2.

The value of 45.4 uC/T.cm. 2 for the removal of the prp-
tective coverin corresponds to the transfer of 2.83 x 10"1I
electrons/T.cm.1 Assuming that the surface is covered with
bulk oxide having a density of 5 glcm. and that one elec-
tron is transferred for reduction of each iron ion in the oxide,
the calculated thickness of the ferric oxide is 0.,8. This
is approximately ten times less than the unit cell dimensions
of ferric oxide. If the oxide covering was of unit cell
thickness, only ten per cent of the surface walm be coveted, add
it would not be possible for the Fe203 to function as a protec-
tive physical bjr ier for the iron unless it is complete.

Bonhoeffer a-s conclusion that the passive iron surface
is covered with a monolayer of ferric oxide is apparently
based on projected areas. Assuming a reasonable roughness
factor of 3, the iron would be covered with one-third of a
monolayer. As mentioned in the introduction, s4milar experi-
ments on other passivatable metals lead to the conclusion that
the surfaces of tht metals are covered with a monolayer of the
appropriate oxide.0,9

One square centimeter of iron surface containe 19.3 x 1014
iron atoms. Assuming that the surface is covered only with
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hydroxyl radicals, which would require a one electron trans-
fer per radical for prodmction of hydroxyl ion, still only 15

per c~nt of the iron atoms have adsorbed radicals. However,

WeisU1' has shown that adsorbate-adsorbent interactions can

produce potential fields extending over relatively large dis-

tances. If the species reduced during arrest (F) were ad-

sorbed oxygen atoms, the surface coverage would be either 7.5

or 15 per cent depending on whether 1 or 2 electrons were

transferred per atom during arrest (F). The overvoltage ex-

periments in acid solutions indicate that there is adsorption

primarily of hydroxyl radicals. A value of only 45 uC/T.cm.'

would dictate that there is no necessity for having chemical

species othercthan the intermediates of oxygen evolution pre-

sent on the surface (see later).
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Decay

Exeinuz A1~ La u~1~

The acidity of the solution at the surface of the elec-
trode does not depend on the passage of current as in case 1,
and the decay behavior is similar to case 1 with the exception
of the absence of arrest (E) of concentration polarization.
Within the limitations of the instrument, the decay trace of
arrest (F) is Identicel in both cases. However experiments
in these acidic solutions brought out an entirely new pheno-
menon.

Previous decay traces had been taken with an anodic cur-
rent density prior to decay of 20 mk/A.cm.' In acid solu-
tions, the current density can be reduced as low as desired
without the appearance of arrest (H) of Figure 10 (obtained
in alkaline solution with no concentration polarization) and
withtou the disappearance of arrest (F). However, lowering the
anodic current density prior to decay had the effect of re-
ducing the surface coverage.

Arrest (F) was forced to decay from a previous anodic
current density of 15.2 uh/T.cm.' (there was no pre-roughening
treatment), and the decay times were noted for a series of
cathodic current densities, The slope of the data plotted,
like that of Figure 12, was 4.8 uC/T.cm. 2  4t applied current
densities of about 1 uA/To.cm.' the surface coverage started
to fall off rapidly. Figure 13 shows the variation of sur-
face coverage with the anodic current density going into the
production of oxygen. Not all of the applied anodic current
is used for liberation of oxygen. The recorder draws 0.8
uh/T.cm.i These small currents become important when the ap-
plied anodic current is of the same order of magnitude. They
do not affect the shape of the curve of Figure 13 but do af-
fect the linear plot of the data. The recorder current is
easily determined at any voltage by use of the calibrated re-
sistor. The only method known for determining the local cell
current densit Is to lower the anodic current density just
to the point where the passive covering is no longer stable.
at this point the anodic current density (corrected for the
recorder current) is equal to the local cell current density.
It was not considered necessary to have an independent evalua-
tion of the local cell current density for the following work.

This decreased surface coverage behavior can be explained,
assuming that arrest (F) corresponds to the removal of the
intermediaries of oxygen evolution. The mechanism of oxygen
evolution in pH 2.5 solution has been suggested as3

4 B20 + I Fe(sites) - 4. 44 4 |eeo©(ads.) + 4 a+



Figure 13. Variation of surface coverage in uC/T.cm. 2

with anodic current density going to the

production of oxygen.
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14 Fe-OH(ads.) 2 Fe-O(ads.) + 2 Fe(sites) + 2H2 0

2 Fe-O(ads.) *3 2 Fe(sites) + 02

Let the fraotion of surface sites covered by hydroxyl
radicals be X and the fraction of sites covered by oxygen
atoms be X0. 1The rate of discharge of L,0 in the first step
is directly proportional to the anodic crrent density, I, and
the concentration of H2 0 is constant. Consider the following
rate equations:

Rate of formation of Fe-OH K1 14 (1 - -

Rate of disappearance of Fe-OH =
Rate of Formation Of Fe-O
Rate of oxygen evolution = K3 (X2 )2

Assuming there is no back reaction, the two steady state
conditions for constant surface coverage are

(1 -X (16)
K2(X1) (1-1-X2)

and K3 (X2 )2 = K2 (XI) 4  (17)

or x2 =4T•• (X1 )2 (17)'

Eliminationoof X2 between Equations (16) and t171) givesK2(14 4 1_Xol 2 )4
K(X) = (1X 1 1 AJ23%) (18)

The previous overvoltage measurements in acid soiution showed
that K- I and assuming that K2 is negligible compared to
K3 , equation (18) reduces to

(X1 ) = -K.,K I(l-xl )

and finally, ,
(Xj) 

'34

The assumption that K3 is much larger than K, implicitly as-
sumes that X1 is much greater than X2 or that the surface is
primarily covered with covered with hydroxyl radicals. This
equation shows the same variatlonoof surface coverage with
anodic current as the Langmuir equation shows with pressure.
It predicts that there is a finite maximum coverage, and that
at small current densities the coverage decreases and even-
tually falls to zero. Since the fraction of the surface cov-
ered is directly proportional to the number of coulombs in
arrest (F), a linear plot of I/XI versus X1 can be used to
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test the conformance of the data to equation 19.
The reoorder.'eurrents and the applied anodic currents were

measured with the Rubicon potentiometer.. At the lower anodic
current densities, 1/2 to 1 hour was required for the surface
coverage to reach a steady value. The-procedure used for the
determination of surface coverages at the lower current den-
sities was-to pasaivate'in all cases.at high current den .....
sikies- ( 20 MA/'A.cm, 2 ) and to.reduce tho current density,
slowly to the value desired. When the surface coverage started
falling off sharply, the measurements became very tedious.
Small fluctuations in this region of current densities caused
large variati ons in surface coverage, Moreover, in this re-
gion, the measured electrode p6tentlal also started to fall
off sharply.

The coupons used in these measurements were given no pre-
roughening treatment, and it was assumed that the small anodic
current densities would not roughen them appreciabl-y. Cathodic
decay current used for all the measurements was 19.7 uA/T.cm. ,
and this includes the recorder current. The surface coverage
is simply the product of the decay time and 19.7.

The local cell current was not determined. If it is not
subtracted from the total applied current, a linear plot of
the data of Figure 13 would show that the values of I/,1 are
too large at the smaller surface coverages. The local eell
current was subtracted by trial and error until the plot was
linearized. Figure 14 shows the result of this.

As mentioned earlier, when the surface coverage falls off,
the electrode potential falls rapidly also. Figure 15 shows
the potential change corresponding to each surface coverage
at low current densities. The potential change is the dif-
fernece between the oxygen evolution potential prior to decay
and the break off potential of arrest (F), at which point the
coverage has presumably fallen to zero. Uhlig2 3 has inter-
preted potential changes during the adsorption of inhibitors
according to the following equations

t6E = )+n/,/<x 300 (20)

where n is the surface coverage in particles/T.cm. 2 , and u is
the dipole moment. There is quite a scattering of experimental
points. The line drawn was calculated by the method of least
squares. An evalubtion of u from the slope indicates that the
bonding electrons had shifted about 0.32 out from the surface
of the iron. Moreover, extrapolation or a 9 to zero also shows
that at this point the surface coverage has fallen approximately
to zero as is required by Equation (20)

Next, the anodic current density was reduced to the point
where the surface coverage had fallen to a small value (about
4 uC/T.cm.1). A small amount of potassium dichromate was then
added to the solution. The potential immediately became about
0.1 volt more positive. After the potential had stabilized,
it was allowed to decay under cathodic polarization. The
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Figure 14. The linear plot for the variation of

surface coverage with anodic current

density prior to decay.
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Figure 15, Potential change corresponding to the

adsorption of the intermediaries of

oxygen evolution.
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surface coverage had increased to about. 30 uC/T.cm. 2 With the
small suface coverage by hydroxyl radicals, there were many
sites on the surface available for adsorption of dichromate
ions. There may also be competitive adsorption between the
hydroxyl radicals alreadt adsorbed and the dichromate ions.

All coupons were passivated at the same current density
and for measurement, the anodic current density prior to de-
cay was lowered to smaller values. It was found that the sur-
face coverage fell off as predicted by the theory developed
earlier. The theory necessitated a purely chemical path for
removal of the covering in order to explain the reduced cover-
age at low current densities.

The data of Figure 13 fit the concept that the protective
covering is hydroxyl radicals. The equation developed predicts
that the coverage is constant at large current densities and
drops off at small current densities. The assumptions under-
lying its derivation may not be completely valid; however, they
do not modify the general behavior - only the exact shape
of the theoretical curve. The dehydration of the hydroxyl
radicals and the combination of the resulting oxygen atoms is
a purely chemical path for the removal of the protective coating.

On the other hand, these data do not conform tg Evans'
postulates for the nature of the covering. Evans0,9 considers
that a passive iron surface is covered with ferric oxide and
has tried to show that this oxide can have the properties ne-
cessary for its protective character. He accounts for its
instability on the iron surface by its electrochemical reduc-
tion in the following cell:

Fe + Fe 2 03 -* 3 FeO

The ferrous oxide is soluble, and thus no longer protec-
tive. The ferric oxide that has been stripped from passive
iron surfaces was found to be insoluble, even in strong acid.
If the surface is covered with Fe2 01, then as long as the ano-
dic current density is greater than the local cell current
density for the dissolution of the Fe20, the surface coverage
should remain constant. It might be argued that the oxide is
thicker at large current densities; however, the coupons were
anodically polarized at the same current density prior to drop-
ping to small current densities where surface coverage dropped
off.

At the small current densities of the data gf Figure 13,
the expirimental curve levels off at 32 uC/T.om. The rela-
tively slow increase from 32 to 45 uC/T.Cm. 2 for an anodic
current density 1S probably due to the reduction of oxygen
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diaszrAeA&tn solution. 32 uC/T.cm. 2 corresponds to a 10 per
cent coverage of iron atoms in the surface.

The applicability of Equation (20) to an electrode sys-
tem with an external current flowing is open to question.
The interpretation according to the application here would be
that most of the overvoltage can be explained by a potential
drop across the chemisorbed layer. On the basis of this
equation, the calculated 0.30 shift of the bonding electrons
gives a negative space chargE density on the surface of the
iron electrode. This may explain the hydroxyl radicalst
ability to inactivat an iron surface as pointed out in a simi-
lar case be Ershlero

'When the surface coverage by hydroxyl radicals is small,
there should be many sites for specific adsorption of other
species. Whether or not they adsorb depends on their indivi-
dual adsorption characteristics as well as on the adsorption
characteristics of the hydroxyl radicals. Apparently it is
possible to adsorb dichromate Ions when the surface coverage
by hydroxyl radicals is small. This work does not show If
dichromate ions can displace hydroxyl radicals alreadt• adsorbed.
There are two possible explanations for the shift of potential
when dichromate is added. First, the dichromate may be con-
sidered to be adsorbed on vacant sites, the new potential being
characteristic of an iron surface covered primarily with di-
chromate ion just as there is a characteristic potential for
the surface covered with the intermediate of oxygen evolution.
Second, the dichromate may adsorb on different types of sites,
and in some manner, lower the local cell current density so
that more of the total applied anodic current density goes
into the production of oxygen with resultant rise in electrode
potential.

On the other hand, Evans 5 states tha the protective ac-
tion of dichromate is due to the formation of Cr 03 on cer-
tain regions of the surface. The value of 30 uC(T;cm.2 allows
for only a small amount of oxide and the same objections are
valid as for the existence of ferric oxide on a passive
surface,
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Exverimental Results

Section 3 of Figure 10 shows a typical decay curve when
the solution adjacent to the electrode is alkaline. The ano-
dic current density prior to decay was 0.10 mA/T.cm. 2 At a
pH of 11.6, this current density was insufficient to cause con-
centration polarization. On passing from oxygen to hydrogen
evolution, there is a single arrest (H'), which is about 0.4
volt positive to arrest (F). The Sbap~s of the two arrests
are dissimilar. It might be argued that the two processes oc-
curring at (F) and (H') are identical; tha the difference in
pH accounts for the difference in the two potentials. This
cannot be the case. Careful adjustment of the anodic current
density so that the solution adjacent to the electrode is
only slightly alkaline shows a decay curve containing both
arrests. This is Illustrated in Section 2 of Figure 10. The
anodic current density was 0.5 mA/T.cm. 2 Thus the surface is
covered with a mixture of components, each of which show a
characteristic arrest on decay.

Using various cathodic decay currents, arrest (Ht) was
forced to decay from the previous anodic current of 0.1 mA/T.cm. 2

Figure 16 shows the variation of the breakdown time with the
apparent cathodic current density. There was no pre-roughening
of the surface, and the roughness factr-rwas taken as
The slope of the curve is 110 uC/A.cm, or 39 uC/T.cm.

D~ca o .1

The existence of arrest (H') in alkaline solution only..
suggests that it is due to the desorption of hydroxyl ions.
In acid solutions, the equilibrium concentrption of adsorbed
hydroxyl Ions becomes negligible. Grahams 2 4 calculated that
specific adsorption of hydroxyl ions on the positive side of
the electrocapillary maximum of mercury gives a surface charge
density of 15 to 25 uC/T.cm. 2  The experimental value of only
39 uC/T.em. 2 is insufficient to account for covering by ferric
oxide. In terms of a layer of adsorbed hydroxyl ions, the
value compares favorably with Grahame's results. The adsorp-
tion of anions is specific in terms of both anion and adsor-
bent. Perfect agreement would not be expected between GrahamI's
values for mercury and this value for iwr surfs@*@.



Figure 16. Breakdown time versus cathodic decay

current density for the protective

layer In alkaline solution.
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The passage of cathodic decay current in arrest (H') does
not result in the transfer of electrons (chemical reduction).
Just as a definite number of coulombs is passed to charge up
a double layer without transfer of electrons, the 39 uC/T.cm. 2

Passed in arrest (H') is that required to discharge the dou-
ble layer. (HI) is probably the decay of only the inner
Helmholtz layer of chemisorbed hydroxyl ions, and probably also
includes a small amount of reduction of oxygen dissolved in
solution.
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Decay traces show that the passive surface of iron is
protecteo by a chemical species equivalent to only 30 to 45
uC/T.cm.e, and the data of Figure 13 show that considerably
displaced potentials exist even though there is surface cover-
age corresponding to only 4 uC/T.cm . The latter amount is
equivalent to about 1 to 2 per cent coverage with oxygen atoms
or ferric oxide of unit cell thickness. This low coverage re-
quires that the layer have very intensive protective qualities.
It is difficult to see how these qualities could be ascribed
to an oxide of iron, especially when this oxide is stated to
have the ordinary bulk properties.

On the other hand, a chemisorbed layer is more plausible
in the light of the experimental data. Chemisorption bonds
are as strong as chemical bonds, and there is no reason to be-
lieve that a chemisorbed monolayer should not be as protective
as a layer of oxide of "true chemical compound." Moreover, a
chemisorbed layer has the property of long range protection
due to potential fields set up on the surface layer.

Many workers seem to have no difficulty in speaking of a
monolayer of oxide. They feel that the properties of these
monolayers are identical to the bulk properties. However by
its very essence, a bulk oxide must have three dimensional
satisfaction of valence forces, which is not possible for a
monolayer. Something akin to a monolayer of ferric oxide may
be stabilized on the passive iron surface by chemisorption,
but while serving in this protective manner, it surely would
not have the properties of the bulk oxide.

It is possible that impurities remain on the surface fol-
lowing one or more passivation and activation cycles. However,
these impurities can have little or no protective character.
It has been assumed that any ferric oxide on the surface would
be reduced upon cathodic decay prior to hydrogen evolution.
The validity of this might be questioned. Evans and Berwice-2
have shown that blue tints of ferric oxide on iron are re-
duced during the decay of oxygen evolution, and there is no
reason to believe that the reduction is not complete even to
the thinnest remaining film. This, by itself, would indicate
that once the potential passed through arrest (F) the surface
is free of ferric oxide. Moreover, if patches of oxide remained
on the surface following repeated passivation and activation
cycles, the coupon would have been corroded unevenly. This
was not found to be true. Although the repeated cycles in-
creased the roughness factor,to about 8, the attack was quite
general.

It is a fact that some metals such as aluminum do form
protective oxides. This cannot be extrapolated to show that
metals such as iron are protected by a similar type of covering.



It might be questioned whether or not the bulk oxide on alumi-
num is necessary for its protection and passtvation. It is
quite possible that the visible growth of tae passive cover-
ing on aluminum is characteristic and not a necessity for
passivation.

The existence of arrest (H9) only in alkaline solution
suggests that it is due to adsorption of hydroxyl ionsg in
addition to any adsorbed intermediates of oxygen evolution.
In acid solution it is not so easy to determine the primarily
adsorbed species. The decay curves offer little help, other
than to rule out the existence of appreciable amounts of fer-
ric oxide. Activation overvoltage measurements are the tools
which furnish the details of the electrode reaction. The Tafel
slope at pH 2.5 of 0.030 indicates that mechanism 1 of Table
5 is operative. This mechanism dictates that the surface be
primarily covered with hydroxyl radicals.

Previously, there has been no discussion of the possible
adsorption of ions from the acid solut;ons. Sulfate ions have
been shown to adsorb on iron surfaces2 b, and it is possible
that some part of the 30 to 45 uC/T~cm°' arn.ses from desorption
of the sulfate ions. In alkaline solution4 arrest (H9) is the
only step observed. This shows the absence of sulfate ions
which would desorb at arrest (F) on decay.

Mechanisms 6 and 7 of Table 5 have reaction steps that
fit the data of alkaline solutions. The extensive coverage of
the electrode with hydroxyl ions changes the mechanisms from
that in acid solution. Instead of direct combinationoof oxy-
gen atoms (these are probably generated in a manner identical
to that for acid solution), there is the reaction between ad-
sorbed hydroxyl ions and oxygen atoms to give oxygen molecules,

All the results presented here tend to show that while a
normally active metal is in the passive state, its properties
and behavior are identical to the truely inert metals such as
platinum. There is little reason to say that this system is
more complex and unmanageable than the inert metal systems*
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