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ABSTRACT

The influence of pH on the pitting corrosion of iron in chloride and sul-
fate solutions was determined using two artificial pit apparatuses to obtain
the pH near the surface of the pit bottom. A glass membrane electrode and an
antimony electrode were used to measure pH in the two apparatuses. Using
solutions of NaCl and l^SO^ at current densities of 0.5, 5.0, and 10 mA/cm2

pH's in the range 5 to 6 were obtained with the first apparatus. The antimony
probe did not measure pH accurately in solutions of 1 N NaCl and 1 N Na2SO^
and had an error of approximately 2 pH units. A one-dimensional transport
model was developed to predict pH variations around the pit mouth and inside
the pit. The validity of this model was not verified due to the relative lack
of precision with pH measurement techniques.

Funding support for this project has also been provided by the Nuclear
Regulatory Commission, Office of Nuclear Regulatory Research, Contract No.
DE-AC02-76CH00016, FIN 3269. Funding for the overall program is provided on a
continuing basis from the Department of Energy.
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1 SUMMARY

In order to design long lasting radioactive waste containment vessels,
the process of corrosion must be characterized so that the rate of corrosion
can be predicted. In the absence of localized corrosion, the entire surface
of a metal corrodes at a uniform rate. The rate of uniform corrosion is pre-
dictable, enabling designers to estimate the life of a containment vessel. If
localized corrosion occurs, however, corrosion at one point on the metal sur-
face is accelerated and the vessel may be perforated before its designed life-
time has expired.

Pitting, the most common form of localized corrosion, occurs via the for-
mation of a galvanic cell at the iron surface exposed to an electrolytic solu-
tion. The iron surface is usually protected by a passive oxide film which
prevents the corrosion process. However, cracks and imperfections in this
film are potential sites for the initiation of pitting. Iron dissolution
occurs at the bottom of the pit (anodic reaction) while a cathodic reaction,
oxygen or hydrogen reduction, occurs at the surrounding metal surface. The
iron ions in the pit solution hydrolyze to form hydrogen ions, lowering the pK
locally. The decrease in pH inside the pit accelerates the growth of the pit
by enhancing the dissolution of the metal. The cathodic reaction results in
an increase in pH at the surface of the metal surrounding the pit due to the
production of hydroxide ions or consumption of hydrogen ions. Therefore, the
pH varies from the bottom of the pit to the surrounding metal surface.

Because dissolution of the oxide film is sensitive to the local pH of the
solution, the pH profile characterizes the manner in which the pit grows. If
the pit steadily deepens, the container will be breached prematurely; while a
gradual spreading of pitting will lead to a uniform, predictable rate of cor-
rosion. The objective of this project was to determine the influence of pH
changes in unbuffered chloride and sulfats solutions on the localized cor-
rosion of iron.

We used two experimental apparatuses to determine the magnitude of pH in
the solution adjacent to the bottom surface of an artificial pit. The first
apparatus simulated a pit 16 mm in diameter and 41 mm deep. A flat-bottomed
glass membrane pH probe of diameter 12 mm was inserted into pit to measure the
pH approximately 1 mm from the iron surface. The solutions used in the appa-
ratus were 1 N and 2 N NaCl and 1 N and 2 N Na2SO4> Current densities used
were 0.5, 5.0, and 10 mA/cm2. After applying current the pH and potential
were recorded with time. The bulk pH of the electrolytic solution was in the
range 6.5 to 7.5, and the pH measured after 2 hours was in the range 5 to 6.
The runs were reproducible to approximately 0.5 pH unit.

We felt that a diffusion model of the corrosion'process would not be
applicable to this apparatus because of the obtrusive nature of the probe. To
account for the effect of the probe on the pH measured above the metal sur-
face, two separate simplifications were made to calculate to Fe++ concentra-
tion profiles in the bottom of the pit. The first simplification was based on
the assumption that the iron which had dissolved was uniformly contained in
the volume beneath the probe, while in the second simplification we made an
estimate of the rate of diffusion out of the region near the probe. The first
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simplification resulted in calculated Fe"1 "̂ concentrations above that
expected from the equilibrium at the measured pH. Because Fa"1"* diffuses
past the pH probe to the bulk solution, we expected that the calculated Fe~""
concentration would be higher than predicted from equilibrium considerations.
The second simplification accounted for the removal of Fe"1"* by diffusion and
resulted in a good estimate of the Fe++ concentration at the measured pH.

In the second pit apparatus, we were able to measure the variation in pH
as a function of height above the pit bottom. This second apparatus incorpo-
rated an antimony pH micro-probe (tip diameter • 0.4 mm) so that the effect of
the probe on the pH profile in the pit was effectively eliminated. The simu-
lated pit had dimensions of 6 mm diameter and 18 mm deep. In this apparatus,
the probe was moved vertically by increments of 0.6 mm and the pH measured at
each point after the system had reached a "quasi-steady state". The "quasi-
steady state" was verified by recording identical profiles moving the probe
both up and down at different times. The solutions studied were 1 N NaCl and
1 N Na2SO^ at current densities of 5 and 7 mA/cm . Although the antimony
probe was carefully calibrated in a series of standard buffer solutions, its
response in the solutions studied was incorrect, indicating a pH of 3 to A in
a neutral solution. Although the results obtained with the probe are inaccu-
rate, the small size of the probe allowed us to measure pH differences over
distances less than 1 mm.

We derived a one-dimensional transport model to predict pH variations
around the mouth of a pit. From this model, we obtained the conditions at the
mouth of the pit. Using these conditions and previously derived equations
(Galvele, 1981} for one-dimensional transport inside the pit, we extended our
model to perform calculations for the conditions at the metal surface at the
bottom of the pit. Comparison of the predicted and experimental profiles
indicated the poor accuracy of the antimony probes. We were therefore unable
to verify the validity of the model.

The model outside the pit accounted for the presence of a cathode and
predicted the pH variation with radial distance from the pit. For a bulk
solution of pH 10, there is a critical value of pit radius (10"^ cm) above
which there is a sharp pH decrease from the bulk pH to the pH at the pit mouth
(pH-5). This critical radius does not exist for a solution of pH 7. This
indicates that in basic solutions, pits greater than 10~*> cm in radius will
exhibit a tendency to spread rather than deepen.
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2 INTRODUCTION

2.1 Background and Motivation

Federal regulations require that containers designed for radioactive
waste disposal last 300 to 1000 years. The kinetic and mass transfer charac-
teristics of iron and steel corrosion must be understood in order to design
accurately disposal containers for this application. Pitting, a form of
localized corrosion, is one of the most common causes of failure in contain-
jnent vessels, either directly as a result of perforation of the metal or
indirectly as a precursor of stress corrosion cracking. The corrosion of a
mental surface is thermodynamically favorable, but often does not occur due to
the formation of a thin film of metal oxide on the metal surface. This phe-
nomenon is known as passivation. The passivity of a metal is affected by the
local pH and the metal's potential at this pH (Pourbaix, 1974). Therefore,
the effect of pH on pit growth needs to be well understood before the perfor-
mance of a containment vessel can be accurately predicted. Although a great
deal of work has been done measuring the corrosion rates of iron and steel
subjected to a variety of environments, little information is available on the
variation of pH in a corroding pit and the surrounding metal.

Fitting corrosion occurs via the formation of a localized galvanic cell
on the surface of the metal. When elemental iron is oxidized in the pit (the
anode), electrons are released which move through the netal and react with
water and oxygen at the metal surface surrounding the pit (the cathode) to
form hydroxide ions (Figure 2-1):

Anodic Reaction: 2 Fe * »2 Fe4^ + 4 e~ (2-1)

Cathodic Reaction: 0 2 + 2 H20 + 4 e~ * »4 OH" (2-2)

Thus, anodic dissolution of metal (oxidation) and cathodic reduction of oxygen
occur simultaneously with the resultant current being proportional to the rate
of metal dissolution. The rate of reaction (2-2) depends on the concentration
of oxygen present at the cathode. Conditions may arise where the current is
limited by the diffusion of oxygen to the electrode surface. The reduction of
hydrogen ions can take place at the cathode.

(2-3)

The ferrous ions may either: (a) form complexes with the anions that migrate
into thê  pit, (b) undergo hydrolysis:

Fe"1"1" + H20 4, Te(0H) + + H+" (2-4)

Fe(0H)+ + H20 it ' Fe(OH)2 + H+ (2-5)

or (c) if oxygen is present, oxidize to form ferric ions:

4 Fe** + 0 2 + 2 H20 *• '4 FC+++ + 4 OH" (2-6)
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which can combine with hydroxide ions to precipitate ferric hydroxide:

Fe(OH)3 j (2-7)

The increase in H + concentration from the hydrolysis reactions hinders the
formation of a passive film at the pit bottom at high current densities, thus
enhancing the rate of pit deepening. The pH at the bottom of the pit can be
as low as 1.5 (Sedriks, 1979). On the other hand, the pH at the cathode out-
side the pit will increase due to the production of OH" ions by Reaction
(2-2). Thus, a pH gradient must exist between the mouth of the pit and the
cathodic region. If the pH at the metal surface adjacent to the pit mouth is
below a "critical" value, the passive film around the pit will dissolve and
the pit will widen.

Galvele (1976) developed a model to predict pK changes within a one-
dimensional pit as a function of pit depth, he also explained the effect of
bulk solution pH on the critical potential. He found the critical pitting
potential of bivalent metals to be pH independent up to pH 9, but pH dependent
for higher pH values. Galvele (1981) later extended the model to account for
the full hydrolysis of metal ions as they diffuse through the solution. Since
the pH affects the range of potentials over which corrosion can occur, a model
needs to be developed to predict variations in pH outside the pit and the
relationship between pH and pitting potential.

2.2 Objectives and Method of Approach

The objective of this project was to determine the influence of pH
changes in unbuffered chloride and sulfate solutions on the localized corro-
sion of iron.

To meet this objective we constructed two one-dimensional artificial pit
apparatuses each.with a reference electrode, a pH probe, and an auxiliary
electrode to simulate changes in the dissolution rate within actual iron
pits. The pH of unbuffered, deoxygenated chloride and sulfate solutions was
measured at room temperature as a function of current density, bulk anion con-
centration, and height above the pit bottom.

In order to explain the experimentally observed pH behavior, a model was
developed that incorporates the transport of ions in and around a one-dimen-
sional pit and predicts pH profiles in and around a pit from bulk conditions,
pit dimensions and current densities. A comparison of predicted pH profiles
in the pit with experimental data was made to establish the validity of the
model. The model was also compared to the model derived by Galvele (1976).
The pH profiles outside the pit were predicted and the critical pK for depas-
sivation was determined for pits of varying radii.
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3 THEORY OF PITTING CORROSION

3.1 Passivity of Metals

A passive metal is one for which corrosion is thermodynamically favorable
but nevertheless corrodes at a very low rate. Metals are made passive by
exposure to passivation environments such as iron exposed to chromate or
nitrite solutions or by anodic polarization at sufficiently high current den-
sities (Uhlig, 1971). The phenomenon of passivation is believed to be due to
the formation of an oxide film on the surface of the metal. This film is
observed at potentials above what is called the passivation potential.

The thermodynamically predicted stability of solid and aqueous compounds
as a function of pH and potential can be determined from a Pourbaix diagram
for the metal of interest (Pourbaix, 1974). A Pourbaix diagram defines
regions in which a given compound is in equilibrium with an aqueous solution
of an arbitrarily small concentration (10~6 molar) of a metal ion. The
Pourbaix diagram for iron is shown in Figure 3-1. The horizontal line at -620
mV separating Fe and Pe*"*" indicates that along this line, no dependence of pH
is observed. s

Fe > F e ^ + 2e~ (3-1)

The linjs in Figure 3-1 marked 0, and -6 indicate the log of the trace
iron molar concentration. At each of these concentrations, the critical pH
is defined as the pH at which'the ferrous ion and solid Fe(0H)2 regions meet.
Below this pH, Fe(0H)2 will dissolve. Assuming that the passive layer is com-
posed of Fe(0H)2> this critical pH leads to a criterion for depassivation.
The ferrous ion concentration adjacent to the metal is determined by the
amount of metal which has dissolved and how fast this diffuses away. Since
this criterion is dependent on the geometry of the corroding metal and the
surrounding electrolyte, an arbitrary criterion is used: a ferrous ion con-
centration of 10""° mole/1 and higher implies "considerable" corrosion (a few
milligrams of iron per liter of solution). At this concentration, the criti-
cal pH is approximately 9.5. It should be noted that for conditions of
restricted ferrous ion diffusion, e.g., pits, a considerably higher ferrous
ion concentration may occur in the solution at the bottom of the pit. In this
case, the critical pH may be as low as 6.5 (Figure 3-1).

The diagrams do not describe the kinetics of any reaction; therefor.-, the
rate of formation of a passivating film is not predicted — its formation is
only said to be possible or impossible.

3.2 Initiation of Pitting and Pit Growth

At anodic potentials above the pitting potential, the current density
inside a crack in the passive layer is high enough to cause the dissolution of
iron by the anodic reaction:

2 Fe > 2 Fe"1"*" + 4 e~ (3-2)
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This initiates pitting corrosion. Electrons must be consumed in a cathodic
region of the metal,

02 + 2 H20 + 4 e" ---> 4 OH" (3-3)

producing hydroxide ions or, if oxygen is not present or cannot diffuse fast
enough to the metal surface, hydrogen gas is evolved:

4 H+ + 4 e" — > 2 H2 (3-4)

Both cathodic reactions result in a localized increase in pH outside the pit,
due to the generation of hydroxide ions in Reaction (3-2), or due to the
depletion of hydrogen ions in Reaction (3-3).

The ferrous ions produced by Reaction (3-1) rapidly hydrolyze within the
pit:

Kl
Fe(OH)+ + H+ (3-5)

where Kt - [Fe(OH)+] [H+l/tFe^]

K2
Fe(OH)+ + H20 «. »Fe(OH)2 + H+ (3-6)

where K2 - [Fe(OH)2][H
+]/[Fe(OH)+]

The equilibrium -constants for Reactions (3-5) and. (3-6) are large enough (on
the order of 10"' mole/1 to 10"^ mole/1) to significantly increase theicon-
centration of H+ and result in reductions in pH at the bottom of a pit.

The passive film on a metal's surface will dissolve at pH's below a
"critical" pH. This pH is determined by the concentration of H+ at which the
passivating oxide film is in equilibrium with a solution containing traces of
the metal ions. The "critical" pH for iron is calculated from the Pourbaix
potential-pH diagram for iron (Figure 3-1) to be 9.5 (at a ferrous ion concen-
tration of 10"6 mole/1). According to a transport model developed by Galvele
(1976), a reduction in pH below this value will occur at a value for (X) (i)
of 10~6 A/cm, where X is the pit depth (in cm) and i is the current density
(in A/cm^). Since typical current densities at pit initiation are on the
order of 1 A/cm^, the necessary acidification can be obtained at a pit depth
of 10"*> cm. This means that a crack in the passivating oxide film would yield
a diffusion path long enough to reach the critical pH. If such cracks are
present, the application of a potential high enough to reach a current density
of a 1 A/cm^ would propagate pitting.

Once pitting has been initiated, the dissolution of metal in the pit con-
tinues since the resultant acidification due to hydrolysis reactions prevents
repassivation. Initially, the rate of metal dissolution is controlled by the
kinetics at the metal/solution interface. However, if the rate of diffusion
of metal ions into the bulk solution is slow, the concentration of metal ions

- 9 -



increases at the dissolving surface until saturation is reached; at this time
the metal salt (e.g., FeCl2'4H2o) precipitates on the pit surface. The rate
of dissolution is then controlled by the diffusion of the salt out of the pit
and becomes independent of the pit potential. As the pit deepens, the current
decreases gradually due to increasing resistance through the pit until
corrosion eventually ceases.

In addition to deepening the pit, the acidification extends beyond the
pit mouth and dissolves the external passive layer. The exposed surface is
subject to corrosion and the pit gradually widens. However, in this case, the
increase in pit diameter leads to a reduction in current density until
corrosion ceases. The type of pit formed (deep, narrow pits or wide, shallow
pits) is dependent on the system under consideration. Iron is known to form
deep, narrow pits in the presence of chloride solutions while forming shallow,
wide pits in the presence of sulfate solutions (Isaacs, 1986).

3.3 Factors Affecting Pitting

3.3.1 Anion Concentration

Galvele (1976) discounts the hypothesis that chloride-ion buildup at the
metal-solution interface penetrates the oxide film and initiates pitting
(Uhlig, 1971). He instead states that the concentration of Cl" present in the
bulk solution affects the potential difference between the solution at the
bottom of the pit and the bulk solution. This potential difference is given
by:

| '} , • . - <!>o " < R T / F > l n c o < 3 " 7 >

where <j>,- <j>o is the potential difference and Go is the bulk concentration
of the electrolyte. He notes that the potential difference is required in
order to cause an increase in Cl" concentration at the anode. This Cl" build-
up, is polarization effect due to high current densities. Galvele concludes
that the actual pitting potential is not affected by anion concentration for
iron, aluminum, nickel, and other metals, but rather i t is the potential mea-
sured in the bulk which is affected.

3.3.2 Current Density

The oxide film on a passive metal is not a perfect layer; it suffers con-
tinuous breaks, thus exposing bare metal to the solution. The current
densities in these fissures are a function of the electrode potential. High
rates of iron dissolution result in a local decrease in pH via the hydrolysis
reactions. The oxide film undergoes further dissolution if the pH is below
the critical pH for solubilization; thus, increased current densities result
in more corrosion via pitting.

3.3.3 pH of the Bulk Electrolyte

A large increase in the pH of the bulk solution inhibits the pitting pro-
cess. Galvele (1976) showed that increasing the bulk pH increases the current
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density required to achieve a pH decrease sufficient to maintain the solubili-
zation of the passive layer. An increase of a pH unit in the bulk results in
a ten-fold increase in the current density required for pit growth at a given
size. If this current density cannot be achieved, the pitting process is
inhibited.

3.4 Measurement of pH

Measurements of pH were performed in two ways: with a flat-bottomed
glass pH electrode containing a reference electrode, and with an antimony
electrode and external saturated calomel electrode. The glass electrode is
inherently more accurate than the antimony probe, but has a disadvantage in
its large size (12 mm diameter). The diameter of the antimony probes was less
than 0.5 mm.

If &i and E2 are the values of the potential of the pH probe with respect
to the reference electrode when they are immersed in test solutions of pHj_ and
pH2, respectively, the pH probe response, R (in millivolts per pH unit) is
given by

R - (E1-E2)/(pH1-pH2) (3-8)

An ideal electrode would react to changes in hydrogen ion activity in exactly
the same manner as the standard hydrogen gas electrode,

EL-E2 - (RT/F)(ln 10) (pHj^pH^ (3-9)

Thus the ideal pH response would be (RT/F)(ln 10) volts per pH unit, i.e.,
54.2 mV at 0°C, or 59.2 mV at 25°C. However, no glass electrode yet
constructed has the theoretical response at all pH ranges (Wilson, 1970).

The antimony probe, also operates on the principle of potential difference
measurement. A thin layer of antimonous oxide rapidly forms on the surface of
an antimony sample when exposed to air. This oxidation-reduction reaction
between antimony and antimonous oxide is the cause of the potential of the
antimony electrode. The following electrochemical reaction occurs when an
antimony electrode is placed in aqueous solution

Sb2O3(s) + 6 H
+ + 6 e" A * 2 Sb(s) + 3 H20(l) (3-10)

Oxygen is required to continually re-oxidize the antimony to antimonous oxide
which is reduced by the above reaction. The potential of reaction (3-10) can
be measured and compared to values obtained at a known H+ concentration.
However, the response of this probe varies with the condition of the metal,
whether cast or electroplated, polished or etched (Wilson, 1970). As a
result, antimony probes are only accurate to about 0.5 pH unit and must be
repeatedly calibrated in a series of standard buffers.

- 11 -



4 MODELING pH VARIATIONS IN AND AROUND PIT

4.1 Modeling Ion Transport in Corroding Pits

Galvele (1976) developed a pit model of the localized corrosion of met-
als, in which the metal ions (Me*"1") hydrolyze inside the pits and the corro-
sion products are transported by diffusion. He predicted concentration pro-
files for the species Me**, Me(OH)+, and H+, as a function of current density
and pit depth. The main reason for passivity breakdown was assumed to be the
local acidification due to metal ion hydrolysis by the reaction:

Me++ + H20 « »Me(OH)+ + H+ (4-1)

The consequences of the additional hydrolysis step,

Me(OH)+ + H20 * »Me(OH)2(aq) + H
+ (4-2)

and hydroxide precipitation,

Me(0H)2(aq) « »Me(OH)2(s) (4-3)

were studied in a later paper (Galvele, 1981). Galvele made several assump-
tions in his analysis. First, he assumed that the pit was cylindrical with a
flat bottom, at which the anodic reaction occurs:

Me 4 ^Me** + 2e" (4-4)

The walls of the pit were assumed to be covered by a passivating film. This
assumption allowed him to apply one-dimensional transport equations to the
problem. Second, he assumed that the dissociation took place in a sodium salt
solution of an aggressive anion. The pH of the bulk solution was a known con-
stant, used as the boundary condition at the pit mouth. Third, the hydrolysis
Reactions (4-1 and 4-2) were assumed to be very fast, and thus at equilib-
rium. The formation rate of polynuclear complexes was assumed to be very
slow. The last and most important assumption is that the aggressive anion
salt is concentrated enough to act as a supporting electrolyte. Therefore,
the transport of the metal ion species by electromigration can be ignored
(Newman, 1973) and only the diffusive terms remain in the transport equations.

Galvele1s model predicts that significant pH changes can occur at the
bottom of pits as small as 10~° cm deep, based on a typical current density of
1 A/cm^» Pits this small could easily be formed by small cracks in the oxide
film. It has been shown that the concentration profiles inside a pit reach
steady state quickly, on the order of microseconds (Rosebrugh and Lash-Miller,
1910). In the system studied, the applied potential is related to the current
density by Tafel's equation:

E - a + b log i (4-5)

where E is potential, i the current density, and a and b are empirical con-
stants. The phenomenon of repassivation is explained by calculating the con-
ditions for the formation of solid Fe(0H)2. Galvele calculated that the solid
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ferrous hydroxide is not formed when the pH of the bulk solution (i.e.,
outside the pit) is less than 9, thus the pit will grow at any value of
current density, and hence, potential. This explains the experimental
observation that there is no critical pitting potential below pH 9 (Alverez
and Galvele, 1980). Above a pH of 9, the pitting potential obeys an equation
of the form,

E - a + b pH (4-6)

where a and b are the same constants as in (4-5) above.

4.2 One-Dimensional Transport Outside a Corroding Pit

The model developed in this report is based upon the one-dimensional
transport equations developed by Galvele (1976 and 1981). However, Galvele
only considered ionic transport and metal ion hydrolysis inside the corroding
pit. He used the bulk solution composition as boundary conditions at the
mouth of the pit. We hypothesized that concentration gradients exist around
the mouth of the pit. The composition of solution in the pit is important in
determining if the oxide film near the pit mouth will dissolve, enlarging the
pit. We extended Galvele's model to describe the concentration profiles
outside the pit, and used the conditions calculated at the mouth of the pit to
recalculate the concentration profiles inside.the pit.

Two models are presented. One assumes that the cathodic reaction takes
place at a distance sufficiently far away from the pit that any species pro-
duced or consumed there have no effect on the transport near the pit. The
second model assumes that the cathodic reaction is the reduction of hydrogen
ions to hydrogen gas, and that a constant flux of hydrogen is required to sat-
isfy the material balance of the system of reactions. The location of the
cathode need not be specified; the system of equations merely requires that
enough hydrogen is supplied to a hemispherical cathode away from the mouth of
the pit. Each model assumes that the pit mouth can be considered to be a
point source of metal ions, that the metal ion hydrolysis reactions are at
equilibrium, and that the bulk solution acts as a supporting electrolyte for
the minor species as in Galvele1s model.

4.2.1 Model Derivation with no Cathodic Reaction

The following species were assumed to be present in the solution outside
the pit:

1.
2. H20
3. OH"
4. FeOH+
5. H+
6. Fe(0H)2

The bulk electrolyte was assumed to be 1 N NaCl.
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The geometry of the problem is shown in Figure 4-1. At any point, we
assume that we are at steady-state; thus, the flux of the species containing
Fe must be constant and equal to the generation rate. Thus,

Fe: J1 + J4 + J6 - i(r)/2F (4-7)

where Jn * flux of species n, mol/cm^ 3
i(r) » current density, A/cm^

r » distance from the pit, cm
F * Faraday constant, 96500 C/eq

The flux of species containing 0 and H atoms should sum to zero at any point
because there is no net generation or consumption of these atoms:

0: J2 + J3 + J4 + 2J6 - 0 (4-8)

H: 2J2 + J3 + J4 + J5 + 2J6 - 0 (4-9)

It should be noted that the equation for conservation of charge:

2JL - J3 + J4 + J5 - i(r)/F (4-10)

is a linear combination of the Equations (4-7), (4-8), and (4-9).

Eliminating J2 from equations (4-8) and (4-9) gives:

J3 + J4 - J5 + 2Jg - 0 (4-11)

Ignoring transport due to the potential field (electromigration), the one-
dimensional flux equation is

Jn - -Dn (dCn/dr) (4-12)

where D n • diffusivity of species n, cm^/s

Cn * concentration of species n, mol/cnr

Thus:

D 3 (dC3/dr) + D 4 (dC4/dr) - D 5 (dCj/dr) + 2Dfi (dC6/dr) - 0 (4-13)

and with integration:

D3C3 + D4C4 - D5C5 + 2D6C6 - k (4-14)

k being an integration constant. If we let r go to infinity, C4 and Cg go to
zero, therefore,

k - D3C3° - D5C5° (4-15)

- 15 -



TRANSPORT MODEL OUTSIDE THE CORRODING PIT

Bulk Solution (1 N NaCl)

Constant
Flux of
Fe

Pit Mouth

a) No Cathodic Reaction

Bulk Solution (1 N NaCl)

Metal Surface

Constant
Flux of
Fe and H

Pit Mouth

b) Hydrogen Reduction at Cathode

MASSACHUSETTS INSTITUTE OF TECHNOLOGY
SCHOOL OF CHEMICAL ENGINEERING PRACTICE

DATE DRAWN IY

5-3-86 RTH
FILE NO

MIT/BNL-86-6

- 16 -

FIG

4-1



where

C30 » bulk concentration of OH"
C50 * bulk concentration of H+

We have expressions for C^ and C6 om terms of C^ and Cg in the equilibrium
constants for the hydrolysis Reactions (4-1) and (4-2). The expressions are:

C3 - K^/Cs (4-16)

C4 * K l W C 5 (4-17)

C6 - K2Kw2Cl/C52 (4-18)

where

Kw * dissociation constant of water
Kj_ m equilibrium constant of Reaction (4-1)

K2 » equilibrium constant of Reaction (4-2)

If we l e t

(4-19

(4-20)

(4-21)

then we can write:

(4-23)

(4-24)

(4-25)

Substituting (4-22), (4-23), and (4-24) into (4-25) and solving for CL in
terms of C5 gives:

DcCe - Dof, + k
Cx - -£J ±2. (4-26)

*3<C5>

f4(c5)

f6<C5>

C3

C4

C6

" VC5

-£3

» Cl f4

" Cl f6

D4f4 + 2D6f6

Since the current density (i) is the current (I) divided by the area, for
a hemisphere:

A(r) - 2irr2 (4-26)

- I/(2mr2)
(4-27)
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Substituting equation (4-12) and (4-27) into equation (4-7) yields:

DL (dCL/dr) + D4 (dC4/dr) + D6 (dC6/dr) - -I/(4irFr
2) (4-28)

Integrating,

D1C1 + D4C4 + D6C6 * I/(*^Fr) + k' (4-29)

with C^, C4, C6 going to zero as r goes to infinity. Thus k1 is zero. Sub-
stituting (4-23) and (4-24) into (4-29) and rearranging,

r - I/[4irFC1(D1+D4f4+D6f6)] (4-30)

To calculate r, choose a value of Cj, i.e., pH, calculate C^ from Equation
(4-25), and substitute into Equation (4-30).

4.2.2 Model Derivation with a Cathodic Reaction

In this model, it is assumed that the cathode consumes hydrogen according
to the reaction:

4 H+ + 4 e" * *2 H2 (4-31)

The reduction of 02 at the cathode by

02 + 2 H20 + 4 e" « >4 OH" (4-32)

is assumed to be small because it is limited by diffusion to the cathode.
Thus, the flux equation for H atoms is:

2J2 + J3 + J4 + J5 + 2H6 =« i(r)/F : (4-33)

while the equations for Fe and 0 atoms, (4-7) and (4-8), remain the sake.
Eliminating J2 from the Equations (4-8) and (4-33) yields 1

J3 + J4 - J5 + 2J6 - -i(r)/F (4-34)

Substitution of equation (4-12) gives:

D3 (dC3/dr) + D4 (dC4/dr) - D5 (dC5/dr) + 2D6 (dC6/dr) - i(r)/F (4-35)

Substituting equation (4-27) and integrating:

D3C3 + D4C4 - D5C5 + 2D6C6 - -I/(2irFr) + k (4-36)

Since C4 and C5 go to zero as r goes to infinity,

k - D3C30 - D5C5° (4-37)
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The equilibrium relations from which equations (4-22) to (4-24) were
derived are still valid, so their substitution into equation (4-35) gives,
with rearrangement:

D3C3 + D4C1f4 - D5C5 + 2D6CLf6 - -I/(2irFr) + k (4-38)

Equation (4-30) from the previous section is still valid, rearrangement of
which yields:

CL - I/[27rFr (DL + D4f4 + D6f6)] - h(r)g(C5) (4-39)

where

h(r) - I/2irFr (4-40)

g(C5) - 1/p! + D4f4(C5) + D6f6(C5)] (4-41)

Substitution of Equation (4-39) into (4-38) gives:

D3f3(C5) + D4f4(G5)g(C5)h(r) - D5C5 + 2D&f6(C5)g(C5)h(r) =• -h(r) + k (4-42)

Solving for h(r) as a function of C5 gives:

DrCc - Dofo + k
h(r) - I/(2uFr) L i L i (4-43)

1 + D4f4g + 2D6f6g

1(1 + D4f4 + 2D6f6g) Ifo(C5)
r « _ _ — - (4-44)

2irF(D5C5 - D3f3 + k) 2wF

Thus, given C5, r can be calculated from Equation (4-44) and the
concentrations of the other species from Equations (4-16) to (4-18) and
(4-39).

4.3 Model Predictions and Discussion

4.3.1 pH Profiles

Values for the diffusivities and equilibrium constants Kj_, K2» Kw

(Table 4-1) can be substituted into the equations of the preceding section.
As a result, we find that, at pH's less than 11,

D4f4 » D6f6 (4-45)

at pH's less than 9,

Dx >> D4f4 (4-46)

and at pH's less than 7,

D5C5 » D3f3 (4-47)
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Table 4-1. Physical Constants Used in the Model

Species Diffusivity (cm2/s)

1. Fe"1"*"
2. OH"
3. FeOH4"
4. H+
5. Fe(OH)2

Water Dissociation

Hydrolysis Reaction (4-1)

Hydrolysis Reaction (4-2)

1.0 x 10~5

5.3 x 10"5

1.0 x 10"5

9.3 x 10"5

1.0 x 10~5

Equilibrium Constants

10- 1 4 (mol/cm3)2

107'5(cm3/mol)

10L3-4(cm3/mol)2

Thus at acidic conditions, the preceding simplifications can be made to
Equations (4-30) (Model I) and (4-31) (Model I I ) :

r « ID4K1Kw/[4irFD1C5(D5C5 + k) ] Model I (4-48)

r » I/[2irF(D5C5 + k) ] Model II (4-49)

If the bulk pH i s near 7, k is small compared to D5C5, and the equations
reduce to:

Since

where

r - ID4K1Kw/t4irFD1D5C52]

r - I/[2TTFD5C5]

I - io(2»ro2)

i0 - current density at the pit mouth, A/cm
2

rQ « pit radius, cm

Model I

Model II

(4-50)

(4-51)

(4-52)
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and since C5 has units of ra

log(C5) - -(pH + 3)

2FvDlD5C52

Model I (4-53)

log(r/ro) - log(iorQ) - log (°4
KlK*)2(pH + 3) 1(4-54)

Model II (4-55)

log(r/ro) - log(i0r0) - log (1/FD5) - (pH + 3) (4-56)

4.3.2 Conditions at the Pit Mouth

The pH and iron concentration at the mouth of the pit can be calculated
for both models by solving equations (4-54) and (4-56) for pH at r • ro. The
bulk pH is assumed to be around 7, and the calculated pH's must be less than 7
to be valid. For the first model (see Appendix 10.2):

PH 0 - 3.75 - (1/2) log ioro (4-57)

where

pHo » pH at the mouth of the pit

io • current density

ro - pit radius

For iQro values of 10"
6, 10"5, and 10"* A/cm, the calculated pH values

are 6.75, 6.25, and 5.75 respectively. To see if 6.75 is low enough for the
calculation to be valid, let i - 1 A/cm2, substitute 10" • for C5 (in
mol/cm3) in Equation (4-25), obtain C^ and calculate r from Equation (4-30).
The calculated value for r is 0.89 x 10" 6 cm. A pH of 6.73 gives r - 1.0 x
10"6 cm.

Figure 4-2 shows the pH profiles vs. log(r/ro) calculated by Model I
for a bulk pH of 7 and 10 for ioro values of 10"* to 10"

6 A/cm. Since a
current density of 1 A/cm2 is typical of conditions at pit initiation
(Galvele, 1976), these correspond to pit radii of 10"6, 10"5, 10"* cm respec-
tively. At a bulk pH of 7, the slope in the linear region is 1/2 as expected
by inspection of Equation (4-54). Simplification of the equations for a bulk
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pH of 10 predicts a linear region of slope 1, as shown by Figure 4-2. At all
conditions shown in the figure, the pH change at the pit mouth is at least
0.25 pH unit, an amount that would be detectable if a probe small enough were
used. The figure also shows that the bulk pH is achieved at 10 to 100 pit
radii from the pit.

A similar algebraic manipulation (see Appendix 10.2) for the second model
results in

pH0 * -2.29 - log ioro (4-58)

Calculated pH values at the mouth of the pit are 3.71, 2.71, and 1.71 for
the same values of i o

r
0 &s above. These numbers are definitely low enough

so that the simplifications are valid. Equation (4-56) predicts a region
below pH 7 where the slope of pH vs. log(r/ro) will be unity. This is veri-
fied (Figure 4-3) for bulk pH's of both 7 and 10. The profiles for a bulk pH
of 10 show a region where the pH changes dramatically. This is explained
mathematically by observing that in this range of pH's, k is much larger in
magnitude than D5C5 and D3C3, yielding a relatively constant value of r.
Figure 4-3 shows that the sharp decline in pH only occurs above a value of
iQr0 value of 10~

6 A/cm. A linear region of slope i is also seen, as pre-
dicted by Equation (4-53).

Near the mouth of the pit, the assumption of a point source of Fe"*""*" will
break down. Therefore, the previous calculations for pit mouth conditions are
approximate. The predicted concentrations of iron species for Model I (Table
4-2) and Model II (Table 4-3) should only be used to estimate the correct
order of magnitude. Both models predict that the concentration of iron at the
pit mouth will be proportional to the current density. If the concentrations
could be measured in small pits of an accurately known size, the validity of
the models presented here could be demonstrated. In our experimental appa-
ratuses, we have physically separated the cathode from the artificial pit;
therefore, only Model I (no cathode) will be used in the discussion of
results. We can use Model I to obtain the approximate conditions at the mouth
of the pit and use the results as boundary conditions with Galvele's model
(1981). The previous calculations show that for large pit sizes, the error
introduced by assuming bulk conditions at the pit mouth can be significant.

Table 4-2.

ioro(A/cm)

10"6

10-5
10-*

*in mole/cm^

Predicted Concentrations* of Iron
at Pit Mouth for Model I

[ A

5 x 10"7

5 x 10"6
5 x 10-5

[FeOH+]

9 x 10-1°
3 x 10-1°
9 x 10"9

Species

[Fe(OH)2]

4 x
4 x
4 x

10-14
10-14
10-14
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Table 4-3.

iorQ (A/cm)

10"6

l 0 -4

*in moI/cm'

Predicted Concentrations* of Iron
at Pit Mouth for Model I I

[Ife^]

1 x 10"6

1 x 10"5

1 x 10"4

[FeOH+]

2 x 10"1 2

2 x 10"1 2

2 x 10"1 2

Species

[Fe(OH)2]

7 x lO"2 0

7 x 10" 2 1

7 x 10" 2 2
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5 EXPERIMENTAL APPARATUS AND PROCEDURE

5.1 Artificial Pit Apparatus

A schematic diagram of an artificial pit apparatus is shown in Figure
5-1. Three electrodes are necessary for this apparatus: a metal working
anode which simulates the corroding pit surface, a cathodic counter electrode
which simulates the metal surrounding a real pit, and a reference electrode
for the measurement of potential.

As discussed in Section 3, the pit solution becomes acidic due to metal
ion hydrolysis and the solution surrounding the cathode becomes basic due to
oxygen reduction. In order to reliably measure the local pH in the pit it is
important to separate the anode and the cathode some distance in order to
minimize the diffusion of OH" from the cathode solution to the pit solution.
However, a large spatial separation would result in a large potential drop
through the solution, causing the maximum obtainable current density to
decrease due to voltage limitations. Some compromise must therefore be sought
and the smallest separation possible without introducing OH" ions near the pH
probe should be chosen.

In addition to the constraint of anode/cathode separation, the measure-
ment of pH in the pit poses several problems. The measurement should ideally
be non-invasive - the presence of any probe is certain to affect the concen-
tration profiles in the pit. The size of the probe should be small in rela-
tion to the diameter of the pit. Several apparatuses were built in the pres-
ent project, using different pit geometries and pH probes. Only the final two
apparatuses are presented and discussed here. Problems encountered with other
configuratons included high solution resistance, OH" diffusion into the pit,
and inadequate pH probes. The final two apparatus used different pH probes
and had different pit geometries. The apparatuses are shown in Figures 5-2
and 5-3.

Figure 5-2 shows the important dimensions and connections of the flat-
bottomed glass probe apparatus. The pit depth of about 40 mm was chosen to
provide sufficient length to separate the region of acidity at the pit bottom
from the cathode compartment. The pH probe was an Orion Research glass mem-
brane electrode model 91-3600 with a flat bottom. The probe contained its own
reference electrode and therefore did not require an external reference. The
pH was recorded on a handheld Orion Research model 211 digital pH meter and an
HP 7132A Chart Strip Recorder. The diameter of the probe was 12 mm and that
of the pit 16 mm. For most of the experimental runs the probe was located 1
mm from the electrode surface and therefore occupied 55% of the total pit vol-
ume. Although this is probably far too large to enable point pH's to be mea-
sured, and certainly affected pH gradients, the apparatus was able to yield
useful information on the acidification in the pit. The pH probe was secured
in the center compartment with a Teflon sleeve. This arrangement ensured that
the center compartment was sealed.

The working electrode (iron) was of diameter 16 mm with a connecting
wire 30 mm long spot welded to it. The working electrode fitted into the
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Teflon pit approximately 7 mm and was sealed with wax. The working electrode
was connected to an EG&G Princeton Applied Research model 362 scanning poten-
tiostat, operated in the galvanostatic mode (constant current). The counter
electrode consisted of a plate of nickel (5mm x 50mm x 0.2mm) of which 10-20
mm was submerged into the salt solution in the third compartment. The third
compartment was not sealed and thereby permitted diffusion of O2 into solu-
tion. A small hole of 1 mm diameter located 4 mm above the pit mouth con-
nected the center compartment to the side compartments. The counter electrode
was also connected to the potentiostat.

The first compartment contained a Beckmann saturated calomel reference
electrode model S31-27 which was secured by a Teflon ring at the mouth of the
compartment, the solution in the first compartment was therefore sealed from
the atmosphere. The tip of this electrode was 5 mm from the bottoe of the
compartment. The reference electrode was connected to the electrometer of the
potentiostat in order to monitor the potential of the anode.

Figure 5-3 shows the second apparatus used for measurement of pH pro-
files in the solution above the surface of an artificial pit. The pit con-
sisted of a 6 mm rod of very pure iron housed in a 11 mm (0D) flexible trans-
parent tube protruding 18 mm beyond the rod and therefore creating a one-
dimensional artificial pit. The pit was located in a plexiglass cup of diame-
ter 82 mm and height 92 mm and sealed with wax. The iron rod (working elec-
trode) was again connected to a EG&G Princeton Applied Research model 362
scanning potentiostat. The cathode (counter electrode) was formed from a
plate of nickel (5 ram x 30 mm x 0.5 mm) bent into a circle. This electrode
lay in the bottom of the cup external to the pit.

The reference electrode was inserted into the solution in the cup and
held in place with an external clamp. Both reference and counter electrodes
were connected to the potentiostat in the manner described previously. The
salt solution covered the pit and was usually filled to within 5 mm of the top
of the cup. The surface was not sealed.

The pH in the pit was measured with a miniature antimony electrode shown
in Figure 5-4. These were constructed from a 2 mm 0D (1 mm ID) glass tube
filled with 5 mm of antimony beads at one end. The tip of the tube was heated
and drawn out into a fine point. A 0.4 mm diameter copper wire was inserted
into the molten antimony and served as the external connection. The dimen-
sions of the probe used are shown in the diagram. Although a thinner tip
could be obtained, (and is desirable so as not to disturb the profiles in the
pit) it was observed that subsequent calibration of these extremely thin
probes was erratic and that the the probes were not sturdy enough to make
their use practical. A probe tip of 0.4 mm diameter was achieved. With the
probe 1 mm from the surface of the artificial pit, approximately 4% of the pit
volume was taken up by the probe (and only 27. of the area). The antimony
probe therefore is capable (in principle) of measuring a "point" pH and pH
profiles in an artificial pit. The probe required a reference electrode for
its measurement of pH and therefore a second saturated calomel electrode was
inserted into the solution. The probe was clamped vertically above the pit
mouth and the apparatus clamped to a vertically movable platform. By
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adjusting a micrometer screw gauge, the platform was moved up and down
relative to the pH probe and therefore the pH could be measured at any
distance above the height of the pit surface. The platform could be moved
reproducibly to within 0.05 mm. A light shined through the apparatus to
facilitate visual adjustment of the probe position.

5.2 Experimental Procedure

5.2.1 Measurement of pH and Potential with the Flat-Bottomed pH Probes

To determine the lower limit of pH attainable in an artificial pit, the
apparatus in Figure 5-2 was used with the iron electrode and the flat-bottomed
probe located 1 mm above the surface of the iron electrode (or pit surface).
The large nature of the pH probe relative to the pit implies that the dis-
solved iron is essentially contained in the solution between the pH probe bot-
tom and the electrode surface. The measurement of pH therefore provides an
"average" pH of a solution with a certain dissolved iron concentration deter-
mined by the amount of current passing through the electrolyte. The procedure
used to measure the pH of the pit solution as a function of current density
(and therefore iron concentration) is described.

A salt solution of known concentration was prepared - two salts, NaCl
and Na2$O4 and two concentrations for each salt were used. This constituted
the set of solutions: 2M NaCl, 1H NaCl, 1M Na2S04 and 0.5M Na2S04. Prior to
filling the apparatus, the solutions were de-aerated by bubbling N2 gas
through them for 1 hour. During this period the pH probe was calibrated in
standard buffer solutions of pH 2, 4, 7 and 10.

The apparatus was filled with the salt solution and the reference, pH
and counter electrodes inserted in that order ensuring that no air bubbles
were trapped in the reference and pH electrode compartments. The open circuit
potential of the working electrode relative to the reference electrode was
measured as was the pH. The predetermined current density was set on the
galvanostat (values of 0.5 mA/cm2, 5.0 mA/c«r and 10 nA/cm2 were used where
possible) and the galvanostat and chart recorder switched on. The pH and
potential were recorded as a function of time on the chart recorder. When no
significant change in either pH or potential was noted (usually after about 2
hours), the current was stepped to its next value. It was noted that opera-
tion of the galvanostat affected the measurement of the pH, therefore, the
galvanostat was periodically switched off for about 5 seconds to obtain the
true pH reading from the digital pH meter. The pH record on the chart could
therefore be calibrated in this manner. At the end of a run (determined by
steady state approach at the last current value, usually 6 hours), the
galvanostat was turned off, the apparatus emptied and washed and the iron
electrode prepared for the next experiment. This preparation was done by
abrading the iron surface with silicon carbide paper no. 600 until no surface
defects were visibly detected.

Frequently, 10 mA/cm2 was not attainable since the solution resistance
was too large and resulted in a voltage requirement larger than what the

- 33 -



galvanostat could supply. In these cases, a lower current was used. These
are indicated in the following chapter and discussed there.

5.2.2 Attempt to Measure pH Profile in an Artificial Pit with the Flat-
Bottomed Probes

In an attempt to determine the gradient of pH in the artificial pit,
three experimental runs were done in which the salt concentration (IN NaCl)
and current density (5 mA/cm2) were kept constant and the probe height
changed. In the first experiment, the probe was located 1 mm from the pit
surface and the experiment run in the manner described above at 5 mA/cm2 for 2
hours at which steady state was achieved. In the second experiment, the probe
was located 2 mm from the pit surface and once again a duration of 2 hours
used. In the third experiment, the pH probe was located at the pit mouth (41
mm above the pit surface), left for most of the duration of the experiment (2
hours) and then very gradually moved into the pit with the pH being recorded
at each point. In this manner a "profile" was obtained. The probe was moved
up to the surface of the pit.

5.2.3 Measurement of the pH Profile in an Artificial Pit with Antimony pH
Micro-Probes

A salt solution of fixed concentration was prepared (2N NaCl and IN
Na2SO^) and de-aerated by bubbling N2 gas through for 1 hour. The antimony pH
probes were extensively calibrated before use since several of these probes
gave erratic results often exhibiting a long term drift in voltage response.
Even with multiple calibrations with the same probe, some error in reproduci-
bility was noted with an error of 0.2 pH units at best.

The pH antimony electrode was located with its tip at the surface of the
pit, the solution was added to the apparatus and the outer cup filled to
within 5 mm of the brim. This was sufficient to cover the pit. The desired
current was selected on the galvanostat, the galvanostat turned on and pH and
potential recorded as a function of time. When steady state had been reached
at this current density level, the pH probe was moved out of the pit firstly
in increments of 0.63 mm (one revolution of the screw gauge) and after 7 ma,
in increments of 3 mm. At each increment, the system was left for 5 minutes
after which time a steady pH had been obtained. Once again, the operation of
the galvanostat gave incorrect pH values which necessitated switching off the
galvanostat briefly when pH measurements were taken. Once the probe had been
moved out of the pit, it was moved in again in the same increments to estab-
lish the extent to which movement of the probe had affected the profiles in
the pit. After the profile had been measured, the current density was changed
and the procedure repeated.
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6 EXPERIMENTAL RESULTS AND DISCUSSION

6.1 Flat-Bottomed Probe Apparatus

The flat-bottomed probe apparatus was used to obtain values of the pH and
potential in a one-dimensional artificial pit. However, due to the large size
of the pH probe relative to the pit diameter, the true pH profile in the pit
could not be established and a semi-stagnant pocket of fluid is thought to
exist in the space between the probe and the surface with diffusion of the
ionic species up the annulus* The pH measured in the pit (typically the probe
was 1 mm above the surface of the pit) was therefore some "average" pH in this
region due to the suppression of the true pH profile.

6.1.1 Potential and pH Changes

Potential and pH were measured as functions of time in the apparatus for
several values of current densities and salt concentrations. Typical profiles
of pH and potential with time are presented in Figures 6-1 and 6-2. As
expected, the pH of the solution decreased with time as more Fe++ was dis-
solved. Although no true steady state was observed (as expected since ferrous
ions are continously being added to the solution in the pit), the criteria
used for changing the current was when the pH change was less than 0.05 unit/
10 min. The system was then considered to be in a quasi-steady state. From
Figure 6-1, a step change in pH is observed when changing the current
density. This change in pH was found to be due to the effect of the potential
field in the solution on the pH probe. True pH's were obtained by tempo-
rarily turning off the galvanostat after which the pH was observed to return
to its previous value in a few seconds.

Figure 6-2 presents the potential of the working electrode relative to a
saturated calomel reference electrode located in the chamber adjacent to the
artificial pit. Prior to application of current, the open circuit potential
was measured to be in the range -660 to -600 mV. After application of cur-
rent, the potential rose to a new steady state value indicative of the poten-
tial drop through the solution. Since the initial current density applied was
always small (0.5 mA/cm2), the initial IR drop through the solution was
small. However, on successive increases in the current density (to 5 mA/cm2

and 10 mA/cm2), the potential was observed to assume a new value rapidly and
"quasi" steady state was usually achieved in less than one hour. Unfortun-
ately, the open circuit potential was not recorded at each current change and
therefore the IR drop alone was not measured.

To determine the error involved in a measurement of pH, a duplicate run
for IN NaCl was done under similar conditions to the original experimental
run. The same current densities of 0.5, 5, and 10 mA/cm2 were used for
approximately the same length of time. Good agreement was observed at 0.5
mA/cm2 (see Table 6-1) with the reproducibility worsening at higher current
densities. The average reproducibility was 0.5 pH units. The reason for the
poor reproducibility at high current densities may well be the error associ-
ated with placing the probe 1 mm from the surface of the pit surface. Since
steeper concentration gradients are assumed to exist at higher current
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Table 6-1.

Current
Density
(mA/cm2)

0.5
5.0

10.0

Reproducibility of

pH
(Run I)

6.17
5.10
4.84

the Flat-Bottomed Probe

pH
(Run II)

6.11
4.60
3.70

Apparatus -

ft - *„
0.06
0.50
1.14

1 N NaCl

densities, the placing of the pH probe becomes crucial to obtain reproducible
results. It is estimated that the error in placing the probe 1 mm from the
pit surface is probably 0.5 mm, sufficient to result in a pH error of 0.5 pH
units.

6.1.2 pH Estimation

Since the pH probe used in the flat-bottomed probe apparatus was large
enough to alter the pH profiles in the pit significantly, it was necessary to
account for Its presence in the estimation of pH. Through the hydrolysis
reactions, ferrous ion profiles are directly related to pH profiles and their
shape is assumed similar. The expected ferrous ion concentration profiles in
the bottom of the pit as shown in Figure 6-3. The profiles are two-
dimensional and a rigorous solution was not attempted. Instead, two
simplifications were made, each leading to an estimation of the pH as measured
by the pH probe.

In the first simplification, Figure 6-4, the layer of fluid between the
pit surface and pH probe was assumed stagnant with the Fe"1"1" dissolving into
this layer and a subsequent pH being established via the hydrolysis reactions
(cf. Section 3.1). No transport of ferrous ions up through the annulus was
assumed. The composition of the solution under the probe was assumed uniform
throughout the layer at any time. Since ferrous ions are continuously being
added to the solution, this calculation predicts that the pH will continuously
drop and is therefore incapable of predicting "quasi-steady state" pH values.
Nevertheless, this method of calculation is expected to provide a lower limit
of the pH as measured by the pH probe because the method gives the maximum
possible concentration of Fe""\ The concentration of F e " in this layer was
calculated at any time, t, and any current, I, by Faraday's Law:

[Fê ] « — (6-1)
2FV

The volume, V, used in this calculation was 0.2011 cm-*.

In the second simplification, Figure 6-5, a more complex profile was
assumed in which the diffusion of Fe*^ was accounted for. Figure 6-5 depicts
the assumed profiles. Two linear profiles were assumed to exist; one in the
layer between the probe and pit surface and another in the annular space
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between the probe and the walls of the artificial pit. The ratio of annular
area the total area will be inversely proportional to the concentration
gradients in these regions since the total flux must remain constant. We also
assume that the concentrationof Fe will be much greater than the concentra-
tion of the hydrolysis products FeOH+ and Fe(0H)2» The concentration profiles
for Fe"*"1" will therefore be linear:

(L-5) _ A2

([Fe-H-Ji - [Fe-H"]L)8 A^

The total diffusion length was calculated from the time via the expression:

L2 - kDt (6-3)

The value of k was chosen so as tc yield 99% of the bulk conditions at that
point. Therefore:

[Te++]L - 0 (6-4)

The "quasi-steady-state" profiles were calculated on the assumption that the
rate of ferrous iron diffusion away from the pit surface was equal to the rate
of ferrous iron generation, i.e.,

d[Fe-*+l - I

dX 2F

Integrating the above expression from the pit surface to the pH probe bottom,
yields

[Fe-H-lo - [Fe-|-f]i+-i- (6-6)
2DF

Combining Equations (6-2) and (6-6) allows calculations of [Fe++]j to be
made via

^ ^

It is expected that the second simplification will yield higher values of the
pH than those measured since, in practice, a stagnant region will exist at the
surface of the pH probe resulting in a local increase in Fe~*~*" concentration
and a subsequent decrease in pH.

From the experimental data at "quasi" steady state, ferrous ion concen-
trations were calculated for the two simplifications and are presented in
Figure 6-6 at the corresponding experimental pH values. Also included in the
figure is the equilibrium line for the hydrolysis reactions at given values of
ferrous ion concentration. The method of calculation of this line is
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presented in Appendix 10.3. The solid points in Figure 6-6 are those
calculated from the first simplification and are seen to be above
the equilibrium line in almost all cases. This indicates that the first (I)
simplification yields ferrous ion concentrations in excess of the amount
present, alternatively, the pH's calculated from the predicted ferrous ion
concentrations are lower than those measured except for large values of the
current density. This is as expected since no allowance for Fe"1**" diffusion
beyond the probe was made.

At high current densities, a precipitate was observed to form in the
sodium sulfate solutions. According to Sathler, et al (1981), the formation
of FeOOH and Fe-jÔ  Is thermodynamically possible at the system conditions with
a consequent increase in the acidity of the solution due to the reactions

F̂e"1*1" + 6H2O + 02 t »4Fe00H + 8H+ (6-8)

or

3Fe2+ + 3H2O + 1/2 02 * »Fe3O4 + 6H
+ (6-9)

It is therefore possible that both of the above precipitations took place at
these high current densities producing the low observed pH's. Since the
method of calculation of the equilibrium line does not incorporate the above
equilibrium reactions, it cannot account for these low pH's. We observed that
the measured pH in this region was extremely erratic and sensitive to slight
movements in the position of the pH probe. A reliable estimate of the pH in
this region could therefore not be obtained. The recorded potential was also
erratic and indicated the possibility of an unstable salt layer forming and
breaking down continually. It has also been suggested (Isaacs, 1986) that the
reaction:

(6-10)

may be possible, and hydrogen bubbles could have produced instabilities.

The open points in Figure 6-6 correspond to ferrous ion concentrations as
calculated via the second simplification and are seen to lie below and around
the equilibrium curve. The agreement obtained by this simplification is much
better than that obtained by the first simplification. This is as expected
since the second simplification is a more realistic representation of the true
concentration profiles than the first. At low current densities, measured
pH's were higher than those calculated from simplification 2 for sulfate solu-
tions only. This may well be due to the initial pH of the bulk sulfate solu-
tions. Calculations done on the initial pH of sulfate solutions indicate that
a IN Na2S0^ solution has a pH of 7.8. Since the experiments were commenced at
lower current densities and run for approximately 2 hours before changing
current densities, it is expected that the pH attained after 2 hours would be
higher than those calculated. The equilibrium line does not account for the
slight basicity of sulfate solutions densities.
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6.1.3 Attempted Measurement of the pH Profile in an Artificial Pit

To determine the ability of the flat-bottomed probe apparatus to measure
the pH profile in a pit, an experimental run was conducted in which the probe
was located at the mouth of the pit (41 mm above the iron surface). Once
"quasi" steady state had been achieved, the probe was gradually moved into the
pit at a rate of 1 mm every 5 rain until it had reached a position 1 mm from
the pit surface. Since the probe displaces the solution in the pit, it is
unlikely that a profile can be measured with any appreciable accuracy. Never-
theless, Figure 6-7 shows an important feature. The bulk pH and pH well into
the pit (13 mm from the surface) is very high (10.9) which indicates that OH"
ions are diffusing from the cathode compartment into the anode compartment and
into the pit. This is a problem with the flat-bottomed probe apparatus which
to some extent was removed in the antimony probe apparatus (as discussed in
Section 6.2).

6.2 Antimony Probe Apparatus

The antimony probe apparatus was used to obtain pH profiles in an
artificial pit. The motivation for building the apparatus was to remove the
inadequacies of the flat-bottomed probe apparatus, namely the obtrusive nature
of the pH probe and the diffusion of hydroxide ions into the pit.

6.2.1 Behavior of the Antimony pH Probe

Prior to operation of the antimony probe apparatus, the antimony probe
was calibrated with standard buffer solutions. Since it was suspected that
the performance of the antimony electrode depended on the presence of oxygen
in the system (Wilson, 1970) and oxygen was removed in the solution prior to
the operation of the apparatus, it was not known whether these electrodes
would operate in the present system. The electrodes were therefore calibrated
in ambient dissolved oxygen conditions and de-aerated buffer solutions. The
buffer solutions were de-aerated by bubbling N2 gas through the solution for
30 minutes. The probe was also calibrated before each experimental run. The
results of these calibrations along with the calibration at ambient dissolved
oxygen conditions are presented in Figure 6-8.

Agreement between successive calibration curves is fairly good although
at high pH, significant deviation from linearity was observed. There was no
apparent effect of de-aeration on the response of the probe. Since the pH
measured in the system was always less than 5, the calibration point at pH of
10 was not included. A straight line was regressed excluding these points.
The slopes of the individual calibration curves obtained from linear regres-
sion to the three pH data points are included in Figure 6-8 and are seen to
agree well (standard deviation 6% of the mean). Correlation coefficients for
the regressions ranged from 0.997 to 0.999 indicating excellent linearity over
the pH range of 2 to 7. Although the calibration curves suggest that the
probes are relatively precise, the difference in voltage response of the probe
for a given buffer solution may be as large as 1.1 pH units. Since these
calibration curves were obtained with the same probe on successive days, the
above error seems to suggest "aging" of the probe. According to Wilson
(1970), the potential of the antimony electrode varies with the condition of
the metal, oxygen content of the solution (although this was not observed),
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the rate of stirring of the electrolyte and composition of the buffer solu-
tion. The electrode Is also sensitive to oxidizing and reducing agents in the
solution. Wilson suggests a maximum accuracy of 0.1 pH unit.

In addition to calibration in the buffer solutions, the antimony probes
were checked in neutral unbuffered salt solutions. We noticed that while the
probes measured pH reproducibly in the calibration buffer solutions, their
performance in strong salt solutions was very different. The pH measurement
of the bulk salt solution with an antimony probe and not current applied
showed a discrepancy of about 4.2 pH units for 1 M t^SO^ and 2.6 pH units for
2N Na2S0^ (Table 6-2). Although the reason for this behavior is not clearly
known, it Is possible that ionic species affect the formation of the antimony
oxide layer on the tip of the probe. The probe depends upon the formation of
this oxide layer to respond correctly to changes in pH. Although the probes
were shown to be inaccurate, we felt that they could give a qualitative idea
of the pH profile in the pit.

Table 6-2. Antimony pH Probe Error

Salt pH pH

Solution Actual Antimony

IN Na2S04 7.8 3.6

2N Na2S04 7.9 5.3

6.2.2 Measurement of pH Profiles and Comparison with Predicted Profiles

The pH profiles in the artificial pit were measured for IN Na2S0^ at two
current densities (5 and 7 mA/cm*) and for 2M NaCl at one current density (5
mA/cm^). The profiles are presented in Figures 6-9 and 6-10. Also shown are
the predicted pH profiles using model I (cf. Section 4.2.1) and the predicted
profiles from the model of Galvele (1976). The pH profiles predicted by Model
II were substantially lower (pH of 0.7) than both the experimental and Model I
profiles and are not included in Figures 6-9 and 6-10. This large difference
in pH's can be attributed to the inapplicability of Model II to large pits.
For large pits, the large values of current required to maintain constant
current density (of 5 ttiA/cra2) result in large iron dissolution rates and sub-
sequent low pH's due to ferrous ion hydrolysis.

The experimentally obtained pH profiles (Figure 6-9) for equinormal
sodium sulfate and sodium chloride solutions at equal current densities are
seen to be very similar with the difference easily due to experimental error
of the antimony probe. Agreement with predicted profiles from model I is poor
with an average pH difference of 0.8 units. This discrepancy is almost cer-
tainly due to the inability of the antimony probe in measuring the correct pH
of salt solutions. Since it was not known how the accuracy of the antimony
probe in salt solutions would vary with pH, no comparison of the model profile
slope and experimental profile slope was made.
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The difference in pH profiles between the model derived and Galvele's
model is most pronounced at the pit mouth and decreases as the pit bottom is
approached. This is expected since the models differ only in the boundary
conditions used at the pit mouth. Galvele uses bulk solution conditions at
the pit mouth to solve the profiles in the pit. In the model we derived, the
boundary conditions were calculated from considering the pH variation outside
the pit.

For the sulfate solution at a higher current density, the overall profile
is seen to be much lower than the other salt solutions and the model predic-
tions (a difference of 2 pH units). Again, this difference must be attributed
to the poor accuracy obtained in salt solutions.

To test for aging of the probe during a run and to verify the unobtrusive
nature of the probe, the profile for sodium sulfate at the higher current den-
sity was first obtained by gradually moving the probe out of the pit and then
moving the probe back into the pit, taking data points at the same locations.
Excellent reproducibility was obtained with a maximum pH change of 0.1 units.
Therefore, we concluded that there was no great change in the probe response
over the duration of the experiment.

6.3 Utility of Experimental Apparatuses

6.3.1 Flat-Bottomed Probe Apparatus

The flat-bottomed probe apparatus suffered from two major disadvantages.
These were the obtrusive nature of the pH probe and the diffusion of OH" ions
into the pit. The former led to distortion of the pH profiles in the pit and
correction for this distortion had to be made in the calculation of pH. It is
unlikely that the pH measured 1 mm from the pit bottom in this apparatus will
be equal to the pH at this level in the absence of the probe. It is expected
that the pH which would have existed in the absence of the probe since the
reduction in area leads to a local accumulation of H+ ions in the layer
beneath the pH probe. The flat-bottomed probe apparatus therefore provides a
lower limit of the pH to be expected in the pit.

The diffusion of OH" ions into the pit did not seem to be a problem for
experiments in which the probe was located 1 mm from the pit bottom. The dif-
fusion area was sufficiently reduced to prevent diffusion of OH" to the pit
surface through the duration of the experiment. For experiments in which the
probe was located at the pit mouth however, a high basicity was recorded and
therefore the use of the instrument was restricted to measurements of pH near
the surface of the pit.

6.3.2 Antimony Probe Apparatus

The antimony probe apparatus suffered from the disadvantage of inaccurate
measurement of pH. The utility of the apparatus was in the ability to measure
a pH profile reproducibly without disturbing the profile. It is therefore
highly likely that the pH profile in the absence of the probe would be very
similar to that in the presence of the probe.
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6.3.3 Comparison of Apparatuses

Since the flat bottomed probe apparatus will yield low values of the pH
in the artificial pit (and it is not known how low in relation to the true
value), comparison to the antimony probe apparatus is not meaningful espe-
cially since the accuracy of the antimony probes was very poor.

6.4 Results from Other Apparatuses

Prior to operation of the flat bottomed probe and antimony probe appa-
ratuses, several other apparatuses and methods of measuring pH were used. An
apparatus similar to the flat bottomed probe apparatus was used except that a
fourth compartment was attached to the system via a salt bridge and the
cathode located in this compartment. This was done in an effort to reduce
diffusion of OH" ions from the cathode into the pit. However, the subsequent
increase in potential drop through the salt bridge limited the maximum current
density obtainable to 0.5 mA/cm^ since at this current, the galvanostat was
unable to provide sufficient voltage to overcome the resistance of the elec-
trolyte. At this low current density, the corrosion rate is too low to obtain
"quasi" steady state in a practical amount of time.

Due to the difficulty in measuring a point pH in the pit, several methods
of pH measurement were tried. In one experiment, the pH probe was replaced
with pH indicator paper which lay on its side on the surface of the pit. How-
ever, the pH paper did not respond to changes in pH in the pit. It was
observed that the color did not change when exposed to a new pH unless the
electrolyte is vigorously stirred. This is undesirable since the pH profiles
would be destroyed.

pH indicator solution (3romocresol green) which changed color from yellow
to blue in the pH range 4.2 to 5.4 was added to the electrolyte and the pH
probe removed. No color change was observed in the solution and any change
which might have occurred near to the metal surface was obscured by formation
of a salt layer.
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7 CONCLUSIONS

Two artificial pit apparatuses were constructed in an attempt to deter-
mine the pH at the surface of a one-dimensional pit and in the solution above
the pit surface.

7.1 Flat-Bottomed Probe Apparatus

The pH values obtained with the flat-bottomed probe apparatus were in the
range 4.8 to 7.3 for a range of salt solutions (NaCl and Na2SO^ were used) and
current densities (0.5, 5 and 10 mA/cnr). Two simplifications were made to
account for the effect of the probe on the pH profiles. The first was found
to predict lower pH's than observed. This was expected due to the inherent
nature of the simplification. At high current densities, for the sulfate
solutions only, a lower pH was observed than calculated by either simplifica-
tion possibly due to the formation of a precipitate. The results for chloride
solutions using the second simplification were very close to those expected
from equilibrium considerations.

7.2 Antimony Probe Apparatus

The results obtained from the antimony probe apparatus were much lower
than those obtained with the flat bottomed probe apparatus (approximately 2 pH
units). Calibration of the antimony probes indicated that although good
reproducibility was obtained in buffer solutions, the pH measurement of salt
solutions gave values approximately 2 pH units too low. We did not observe a
difference in pH profiles between chloride and sulfate solutions. The anti-
mony probes are therefore not suitable for accurate measurement of pH.

7.3 Modeling pH Variations

The antimony probe apparatus gave pH's of approximately 2 units lower
than the model prediction, although the shape of the pH profile was in good
agreement with that predicted. The discrepancy was again due to the inability
of the antimony pH probes to measure the pH accurately. Because of the accu-
racy of the probes, the model could not be verified.

The model predicts that at pit initiation conditions (i-1 A/cm2, r-10'6

cm), the pH at the mouth of the pit is lower than that of the bulk solution.
The acidification is great enough that it should be detectable (at least 0.25
pH unit).

The two models derived predict that at pit initiation conditions (i«l
A/cm , r»10"6 cm), the concentration of iron at the mouth of the pit is on the
order of 10~3.M. Both models predict Fe(0H)£ concentrations outside the pit
that are well below the solubility limits of Fe(0H)2.

For a bulk solution of pH 10, there is a critical value of ioro (10~
6

A/cm) above which there is a sharp pH decrease. The model predicted pH pro-
files around the pit and indicated that the pH at the mouth of the pit may be
as low as 5 for a pit of radius 10"6 cm. This would lead to depassivation of
the surrounding area and subsequent growth of the pit. However, since the
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criteria for depassivation is not well understood, prediction of pit growth is
not possible.
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8 RECOMMENDATIONS

1. An apparatus similar to the antimony probe apparatus should be used to
obtain pH profiles in and above the one-dimensional pit. The antimony
probe should be replaced with glass membrane micro-probes to obtain
accurate pH's.

2. To obtain realistic values of pH's to be expected in pitting, micro
probes should be used to 3ca.n the surface of a metal. In this way, areas
of local acidification can be located and pH profiles around pits
measured.

3. A refined model should be developed to account for precipitation of salt
species in the pit and two dimensional flux of ionic species out of the
pit. A cathodic reaction taking place immediately adjacent to the pit
should be incorporated into the model.

4. Measurement of open-circuit potential and pH in a pit apparatus will
allow determination of the true solution IR drop to be made and permit
determination of the cathodic and anodic reactions occurring in the
system. This will allow a more comprehensive model to be derived for
pitting.
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10 APPENDIX

10.1 Nomenclature

A area, cm

Cn concentration of species n, mol/cm3

Cn° bulk concentration of species n, raol/cm^

D n diffusivity of species n, cm^/s

E potential, mV

F Faradays constant, C/eq

I current, mA

Jn flux of species n, raol/cm . s

K equilibrium constant, variable units

L length of the diffusion layer, cm

R Ideal Gas constant, J/mol K; resistance of the e lectrolyte , ohms

T temperature, K

V volume, cm^

X distance into a pit measured from the pit mouth, cm

a,b constants in Tafel equation

i current density, tnA/cm^

r distance from the pit, cm

t time, sec

5 height of the probe above the pit bottom, cm

<j> potential , mV
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10.2 Numerical Calculations in Model Derivations

Model I

Equation 4-54 i s an approximation of the rigorous expression relating r
and pH, valid at low pH's:

log(r/ro) - log(i0r0) - log( W f y + 2 (pH + 3) (4-54)
D

At the mouth of the pit, r » r0:

DA K iIC.
2 pHo + 6 - - log(ioro) - log(-~L±Jl) (10-1)

2FD1D5

Given the values in Table 4-1:

DL - D 4 - 1 x 10"
5 cm2/s

D5 - 5.3 x 10~
5 cm2/s

KL - 10
7- 5 (cm3/mol)

1^ - 10" 2 0 (mol/cm3)2

F - 96500 C/eq

2 pHo - log(i0r0) - log(3.1 x 10"
14) - 6

2 pHo - 7.5 - log(i0r0)

pH0 - 3.75 - (l/2)log(ioro) (10-2)

Model II

Equation (4-56) is an approximation of the rigorous expression relating r
and pH, valid at low pH's:

log(r/ro) - log(i0ro) - log(l/FD5) + pH + 3 (4-56)

At the pit mouth, r » rQ:

-log(i0r0) - log (1/FD5) + pHQ + 3

pHo - 0.71 - 3 - log(ior0)

pHQ - -2.29 - log(ioro) (10-3)
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10.3 Calculation of the pH of a Ferrous Ion Solution

Given that an initial amount of ferrous ions are added to a known volume
of water, we need to calculate the resultant of the solution. The hydrolysis
reactions considered are:

Fe + + + H20 * »Fe(0H)+ + H + (10-4)

Fe(OH)+ + H20 a »Fe(0H)2 + H+ (10-5)

and the self-dissociation of water is

H20 « — — » H
+ + OH" (10-6)

We assume that:

a) Fe(0H)2 is in the aqueous form and does not precipitate
b) The presence of a salt does not affect the equations since the anions

and cations are contributed in equal amounts.
c) No ferrous salts precipitate

For Reactions (10-4) to (10-6), the equilibrium constants are;

[r.(QHfl[a+]
[Fe"""]m o l / 1

K2 - 10-U.l mol/1 « [ F e < ° H ) 2 W (10-8)
L [Fe(0H)+]

1^ - 10-14 mol2/l2 - [H+][0H-] (10-9)

If [Fe^lo is the initial concentration of ferrous ions in the solution,
then a ferrous ion balance gives;

- [Fe(0H)+] - [Fe(0H)2] (10-10)

Since ferrous ions are being added to a neutral solution, a net positive
charge is built up (which in a real pit is balanced by diffusion of the anion
in solution to the metal surface). The charge balance therefore gives;

HFe**] + [H+] + [Fe(OH)+] - [OH"] - 2[Fe"H"] (10-11)
o

The unknown concentrations in the solution are [Fe'++], [H +], [0H~], [Fe(0H)+]
and [Fe(OH)2J.
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Since we have five equations (10-7) to (10-11), a solution for [H+] is
possible.

By successive substitution and elimination of the equations (the details
of which are included in calculation file MIT/BNL - 86-6), a quartic equation
in H+] is obtained:

[H+]4-HC1[H+]3+ K1K2-K1[Fe++] "Kw j ^ j 2 ^ ^
0 ° (10-12)

Equation (10-12) allows the pH of the solution to be calculated given the
initial ferrous ion concentration.

10.4 Location of Original Data

The original experimental data can be found in Laboratory Databook
MIT/BNL-86-6 located at the M.I.T. School of Chemical Engineering Practice,
Building 120, Erookhaven National Laboratory, Upton, NY 11973.
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