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Summary

An investigation of certain aspects of the corrosion of uranium and
uranium alloys was made as part of an effort to understand and control
the corrosion of these materials 1in aqueous solutions at normal ambient
temperatures.

The principal part of this work consisted of experimental electro-
chemical studies of corrosion of uranium and of the alloy U-7.5Nb-2.5Zr at
25°C. These studies had the principal objective of providing an outline
of the electrochemistry of these materials in the absence of aggressive
anions. The solutions were primarily O.IM K,S80,; at pH 5 to 10 and 0.1
and 1N HpS0,. A few pitting experiments were made with the alloy in
solutions containing chloride in addition to O.1M K50, and in solutions
of 0.1N HC1 and 0.1N KC1, pH 8.7. Gas atmospheres employed were:
4Ho:96Ar, Ar, 20 02:80Ar. The potentials investigated ranged from
< -1v to 5v vs SCE. Most of the polarizations were carried out potentio-
statically but some were conducted galvanostatically. In either case
current or potential values were recorded when judged to be within 5 to
10% of the steady-state value. Another part of this work consisted of
reviews and analyses of literature information pertaining to the electro-
chemistry of uranium corrosion in aqueous enviromments below lOOOC, and
pertaining to certain electrochemical aspects of pitting, crevice corrosion,
and stress corrosion cracking.

The experimental work is presented in the text. The work with

literature information is presented in Appendixes 1-5. Summaries of
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conclusions drawn from the results of the experimental work and of
notable features of the results are set forth below.
Uranium
The experimental results lead to the following general conclusions
regarding the electrochemistry of uranium in the test solutions of 0.1M
K504, (pH = 5 to 6) and in 1N H,S0, with different gas atmospheres.
a. A passive film of UO, forms on uranium above potentials near
those for the equilibrium,
UHs + HpO = UO + 5H + 5e7; E0 = - .664 - 0.591 pH (1)*
b. The passive film is removed, and increasing anodic rates occur
above potentials near those for the equilibrium between anhydrous U0, and
UO3,
U0, (anh) + Hy0 =¥ UO3(anh) + 2H' + 2e7; E0 = .415 - .0591 pH (2)%
The UO; is soluble.
c. The cathodic rate on the passive metal increases sharply below
potentials near those for the equilibrium,
UH; + 2H0 *= U0, + 7H" + 7e7; E0 = - .958 - .0591 pH (3)%
This indicates that UH; is formed from UO; and/or from U by reaction
with H,0 or with H' below these potentials.
The above conclusions are probably valid for solutions of other,
intermediate, pH but this remains to be verified.
Prior information on the corrosion of uranium in agueocus solutions

at temperatures of 25 to 100°C is summarized, and is correlated and

*Potential vs SCE
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interpreted on the basis of the electrochemical theory of corrosion, in
Appendix 3. The above general conclusions drawn from the present work
are consistent with the prior information as interpreted in Appendix 3.
The experimental data indicate that the sulfate and bisulfate ions have
little if any detrimental effects on the corrosion of uranium despite
the fact that soluble complexes are formed with U(IV) and U(VI). These
ions may have beneficial effects if aggressive anions (chloride) are
present.

Other notable observations made in the present work with uranium
include the following:

d. The exchange current for reduction of H in 1N HpS504 was very
low ~ 10-10 amps/cmz.

e. Reduction of O, on partially passivated uranium in 1N H,SO,
was inhibited. The mechanism of the inhibition is uncertain.

f. Reduction of 0Oy on uranium in 0.1M K»S0,, pH 5.8 appeared more
or less typical of that expected on oxide-coated surfaces.

g. ©Shallow pits were formed on the surfaces of specimens exposed

to transpassive potentials (ESC > 415 - 0591 pH). This pitting can be

E
explained in terms of local conversion of U0, to soluble UO5.

h. Tafel-lines were formed by the polarization data in the trans-
passive regions. The slopes were 95 and 45 mv/decade at pH 5.3 and 0.55,
respectively. These slopes can presumably be related to the kinetic
mechanisms, but this has not been done. However, it can be assumed that

some protective film of anhydrous U0, remains on the uranium surface at

transpassive potentials.
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Uranium Alloy

a. Anodic polarization in 0.1M K,S0,, pH 5.8.

The films formed during anodic polarization [up to 5v (SCE)] in
K580,-solution were poor electronic conductors at the steady-state on
the anodic side; water was not oxidized at the steady state and the film
was not dissolved. The small steady-state currents were probably due to
ion movement through the film. However, the transient currents which
occurred upon a sudden increase in potential were well above those at
steady-state, and it is possible that these currents were associated
with transient electronic conduction. The stability of the film at
potentials well above that at which U0, can be oxidized to UO5; is
probably due, at least in part, to the poor electronic conductivity.
However, UQO3; may have been formed during the transient, high-current,
conditions, and if so, the film-stability is also due in part to a low
sclubility, near neutral pH, of the oxide which contains Nby0s5 and ZrOp
in addition to U03. The likelihood that solubility plays an important
role in the film stability was supported by the results of a subsequent
experiment in which one of the anodically-filmed specimens was anodically
polarized in 0.1N H,S80, - the film dissolved.

b. Cathodic polarization in 0.1M K350, to potentials below those

at which U0, and UHz are in thermodynamic equilibrium.

The results of the few experiments indicated that the behavior of
the alloy, before and after anodization, is similar to that of uranium
when the gas atmosphere is 4% H,. However, when the specimen was

anodically filmed and when the gas atmosphere was 20% Op, the behavior
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was different--the increase of cathodic current occurred well below the
equilibrium potential, and the increase could be explained in terms of
H»O reduction to form Hp rather than in terms of UHs-formation.

¢. Polarization behavior in O.1N and 1N H,S0,.

It was concluded that the alloy exhibits transpassive behavior which
is similar in the following respects to that of uranium in 1IN H,80, and
in 0.1M K,80,: (1) the onset of transpassivity occurs near the potentials
at which anhydrous U0, and UO3 are in thermodynamic equilibrium, (2) Tafel
relationships prevail in the transpassive regions, and (3) all dark films
are removed from surfaces at transpassive potentials. The explanations
for the transpassive behavior of the alloy are thought to be the same as
those for uranium. The processes which control the anodic rate on the
alloy in the transpassive region are probably the same as those for uranium
in 0.1M K,80,, pH 5.6 since the Tafel slopes are about the same (70-90
mv/decade). The transpassive behavior of the alloy differs from that of
uranium in that no pits are formed on the alloy.

Transpassive polarization probably causes enrichment of the alloying
elements, Nb and Zr, as oxides on the surface of the allioy. The enrich-
ment is greater in 1N HZSO4 than in O.1N HpS0,. The overvoltage for
H'-reduction on these enriched and unpassivated surfaces in HpS0, is
substantially less than that on uranium; -450 to -500 mv at -1 ma/cm2
for the alloy in 1N H,S0, compared with -735 mv at -1 ma/cm2 for uranium.

Alloy specimens which are coated with passive films exhibit over-
voltages for H+-reduction which are comparable to those on uranium.

Reduction of oxygen takes place in a more or less normal manner on

the alloy surfaces which are coated with passive films. The reduction
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on the enriched and film-free surfaces is inhibited. This difference
between the two types of surfaces probably involves differences between
the concentrations of Oz at the surface and/or between the amounts of
O, adsorbed on the surface.

d. Pitting in solutions of 0.1M K,50, plus KC1

Most of the pitting behavior observed in this work was similar to
that reported by others for other materials, and can be gqualitatively
explained by the mechanism and processes which others have postulated.

Pitting potentials were messured with air-filmed specimens in
solutions containing 0.01M KC1 (plus 0.1M K3S0,) and were between O and
-100 mv (SCE). Cathodic plarization of a pitted specimen caused marked
increases in the subsequently-measured pitting potential. The explana-
tion for this effect is unknown.

The breakthrough potential depended, as expected, upon (C1l™) and
upon the type and amount of film on a specimen, In the case of the
air-filmed specimen, it also depended upon the gas atmosphere - the
breakthrough potential was lower with 4% H, than with 20% 0,. It is
likely that this difference reflected a difference between types and
amounts of ilm formed upon immersion of a specimen in the test solution.

e, Polarization behavior in 0.1N HC1l and in 0.1M KC1 at pH 8.66.

The anodic polarization behavior was typical of that expected with
pitting in solutions containing chloride. However, the attack was in
the nature of localized shallow attack rather than deep pitting. Pitting
potentials were > =325 mv (SCE).

The overvoltage for reduction of H+ on the corroded surface in

0.1N HC1 was very low; -300 mv at -1 ma/cm?.
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An important conclusion which was drawn from these and the other
experiments with chloride is that the film can be protected from Cl~
attack by maintaining a sufficiently low potential. With < 0.1 M C17,
the film on unstressed specimens would not be attacked at potentials
< =325 mv (SCE). Stressed specimens may act differently, but these

have not been investigated.
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Electrochemistry of Uranium and Uranium-Alloys

in Agqueous Solutions

G. H. Jenks

Introduction

Alloys of uranium with Nb and Zr are subject to stress corrosion
cracking in aerated aqueous environments at room temperature. Cracking
under these conditions probably involves electrochemical factors, and
information on the electrochemistry of the alloys in aqueous environ-
ments was needed as part of an effort to understand the mechanism.

I have reviewed and analyzed literature information pertaining to
the electrochemistry of uranium corrosion in aqueous environments below
100°C and to certain electrochemical aspects of pitting, crevice
corrosion, and stress corrosion cracking. This literature review and
the analyses are presented in Appendixes 1-5 of this report.

I have also made experimental electrochemical studies of corrosion
of uranium and of the alloy U-7.5Nb-2.5Zr. This investigation had the
principal objective of providing an outline of the electrochemistry
of these materials at 25°C in the absence of aggressive anions.

The alloy had been heat treated to form the - phase, and specimens
were machined from the heat treated material. The uranium was hot
rolled and machined. The solutions were primarily O0.1M K,S0,,

(pH 5-10) and 0.1 and 1N HyS80,. A few pitting experiments were made
with solutions containing chloride in addition to O.1M K»30, and in

solutions of O0.1N HC1l and O.1N XKC1l at pH 8.7. Gas atmospheres
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employed were : 4Hp:96Ar, Ar, 20 O2:80Ar. The potentials investigated
ranged from -1.8v to 5V.* Most of the polarizations were carried out
potentiostatically but some were conducted galvanostatically. In either
case, current or potential values were recorded when judged to be within
5 to 10% of steady-state values. The experimental work is presented

below.

Equipment for Electrochemical Measurements
2.1 Cell

The cell was made of Pyrex glass tubing with a flat bottom and a
55/50 standard taper joint at the top. The tube was water jacketed.
Cell dimensions were: ID, 5 cm; depth below taper joint, 13 cm;
solution volume during operation, about 150 cm>.

A tapered Teflon cap was used to close the cell. Leads into the
cell were passed through tapered holes in this cap.

Provisions were made for stirring, sweeping gas through the cell,

adding of electrolyte and reagents, and for sampling the cell solution.

2.2 Test Electrode

The electrodes were in the form of cylinders; 0.25 in. 0D, 0.063
in. ID, and 0.25 in. long. A sample was mounted such that only the
outer surface was exposed to solution. The ends were sealed with
Teflon gaskets. The portions of the specimen holder exposed to
solution were comprised of glass and Teflon. The exposed specimen area

was 1.25 cm?.

*
Vs SCE




2.3 Polarizing Electrode

A cylindrical tube, 4 cm in diameter and 2 cm long, made of
platinum foil was the polarizing electrode. It was located such that
the specimen was at the center of the cylinder.
2.4 Reference Electrode

A saturated calomel electrode (SCE) in a separate compartment
served as the reference electrode. The bridge Joining the Luggin
probe to the calomel electrode was filled with cell soluticn. An
ungreased stopcock adjacent to the reference cell prevented mixing
of test and reference solutions.
2.5 Potentiostat

The potentiostat was an Anotrol (Model No. 4101) with a voltage
range of +5.3v.
2.6 Cleaning of Cell Equipment

The cell and all other glass and Teflon surfaces which contacted
cell solution were cleaned initially with a mixture of hot concentrated
sulfuric and nitric acilds—subsequent cleaning consisted of rinsing

with the test solution.

2.7 Cleaning of Test Electrode

As recelved, machined samples were cleaned by brushing successively,
in water, acetone, alcohol, and finally, triple-distilled water. Most
samples of uranium were defilmed by immersion in concentrated HNO3 for
1 min. They were then rinsed in distilled water and finally in

triple-distilled water.




3. Experimental Conditions and Procedures
The experimental conditions and procedures for the different .
experiments with uranium and with the alloy are summarized in tables
as follows:
Table 1 uranium
Table 2 U-7.5Nb=-2.5Zr in 0.1M K580, and in 0.1M K5S0,
with C1™ at pH 5.8
Table 3 U=-7.50b=2.5Zr in O.1N and 1N H,80,; also 0.1M
K,80, at pH 9.6
4. Experimental Results, Discussion, and Conclusions - Uranium

4.1 Results and Correlations

The experimental results are presented graphically in Figs. 1
thru 11. Some results are included in Table 1. Additional information,
correlations and comments on the results are presented below.

4,1.1 Initial Open Circuit Potentials of Defilmed .

Specimen in Deaerated Solution

All specimens except U-1 were defilmed prior to the initial
measurements by immersion in concentrated HNOj; for 1 min.

The initial open circuit potentials were in the neighborhood of
-300 mv, but the potentials quickly dropped to the minimum values
plotted in Fig. 9. With experiments U-2, U-4 and U-5, the potentials
remained steady at the minimum values. With experiment U-3 (pH 9.6),
the potential rose to higher values immediately after the minimum

value was reached.
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Experiment Date
Number?

U-1 10-21-69
U-1 10-22-69
u-2% 4-16-70
v-3& 4=17-70
U4 4-20-70
U-4 4-21-70
U-4 4-22=T70
U-5-1221 4=23-70
U-5-2 4-23-70
U-5-3 4=23-70
U-5-4 4-23-70
U-5-5 4=23-70
U-5-6 4~23-70
U-5-7 4=-23-70
U-5-8 4-23-70
U-5-9 4=-23-70
U-5-10 4-23-70
U-5-11 4-24="T70

m

U-6 4-24-70
U-6 bem24=70
U-6 4=29-70

SUMMARY OF EXPERIMENTAIL CONDITIONS AND PROCEDURES FOR

POLARTZATION MEASUREMENTS WITH URANIUM

(some results also in this table)

TABLE 1.
. b s
Solution™ Polarization

X250, H,50, pH Gas Range

) @) atm—= (mv)<=
0.1 (® —— 5.8 air 0 to 300
0.1 —— 5.8 air -450 to 275
0.1 (F) - 5.45 100 Ar -1,100 to -1,500
0.1 (F) ——- 9.6 100 Ar -600 to -1350
0.1 (M - (6.0) 4Hy -950
0.1 - (5.55) 4Hp -400 to -1500

to
(5.26)
0.1 -—— (5.26) 4Hy -300 to 300
to
(5.57)
————— 1(® (.545) 4Hp —————
----------------------- S8Me--=====~-mmmmmmm—eeee =750 to -925
----------------------- same==~-------em--==-ww-~= -650 to =500
----------------------- same=---------wc-—————=c=- =400 to -100
----------------------- Samee--===mmmmcemmeccmeee =800 to =950
----------------------- same---------=-w-m---c-=~  -100 and O
----------------------- same 20 0, 0
----------------------- same 20 0z -450 to -950
----------------------- same 20 0g -——
to
4Hy

----------------------- same 4Ho 0 to 225
------- 1 (.505) 4H, -100 to -950
------- 1 .55 20 Oz -650 to -950
------- 1 .55 20 05 83 to -1050
------- 1 .55 20 0z 250 to 475

Polarization

Data
Fig. No.

=

~NWN

Results of Examination
of Surface
for Pits.X

Several shallow pits

No pitting
No pitting

Numerous shallow pits

Numerous shallow pits

Remarks

Fresh specimens with dark, as received, film. (©
Specimens had been in cell over night.

I0C = -36 mv.

()

(€9)

()

Solution became more acid upon standing over
night and during polarization. (k)

pH decreased during anodic polarization.

Initial open circuit measurements. The value
for this was ~718 mv and steady.

Tafel line with slope of -117 mv/decade. Put
on 0.C. following -925 mv polarization.

Anodic polarization from 0.C. of -712 mv. Put
on 0.C. following -500 mv polarization.

Anodie polarization from 0.C. of -700 mv. Put
on 0.C. following -100 mv polarization.

Cathodic polarization from 0.C. of -720 mv.

Changed atm to 20 O, during the O mv polariza-
tion. There was no sensible change in current.

Cathodic polarization from 0.C. of -400 mv.
Put on 0.C. following the -950 mv polarization.

Open circuit potential with 20 O, was -590 mv.
This shifted to -720 mv when the 0y was
replaced with 4H,.

System was put on 0.C. following 225 mv
polarization. 0.C. went to -35 mv and
constant.

Cathodic polarization from -35 mv O0.C. follow-
ing the -950 mv polarization, the 0.C. was
-665 v,

Cathodic polarization from 0.C. of -522 mv.
Minimum initial O.C. was -650 mv.

Cathodic polarization from 0.C. of 81 mv.

Anodic polarization from 0.C. of 140 mv.



(Teble 1 cont'd.)

Experiments are identified by the combination of specimen number
and date.

(F) means that the solution in cell was fresh. Otherwise, the
solution was that used in previous experiment.

Where unspecified, the remainder of atmospheric pressure was
supported by argon. Composition given in percent.

All potentials vs SCE.

No pretreatment of specimen other than washing and brushing.
Initial exploratory measurements to +300 mv were made without
close measurements of anodic currents.

Initial open circuit potential (I.0.C.) was -117 mv. Measurements
numbered 1 thru 7 made on this date.

Fresh specimen defilmed by immersion in concentrated HNO3 for 1 min.
Measurements 8 thru 26 on this date.

Initial open circuit potential dropped quickly to -1,065 mv and
remained steady. Cathodic polarizations made in the numbered order.

Initial open circuit potentials dropped gquickly to -1,260 mv and
then rose. When the potential reached =570 mv, cathodic polarizations
were started at -600 mv.

Initial open circuilt potential dropped quickly to -1,010 mv and
remained steady. Specimen was then polarized at -950 mv and then
put on open circuilt over night.

The initial current at -950 mv was +5.3uyamp. The current diminished
and changed sign with continued polarization. The value was -8.3uyamp
at the end of this polarization.

Continuation of run started on 4-20. The I.0.C. on this date was
-308 mV.

Specimen U-5 used in experiments U-5-1 thru U-5-11.

Specimen U-6 was prepared from specimen U-5 by immersion in
concentrated HNO; for 1 min.

The uranium surfaces had some pits as received. A specimen was
examined after the final exposure, and a Jjudgment made as to whether
the number of pits had increased during the exposure.




TABLE 2. SPECIMENS, SOLUTIONS, INITIAL OPEN-CIRCUIT POTENTIALS AND RANGES OF
POTENTTALS OR CURRENTS IN POLARIZATION EXPERIMENTS IN K,SO, SOLUTIONS, pH 5.8, WITH AND WITHOUT KC1.

Initial

Bepertmert pate” Sottens  openeCireuts iR Tl Gurrent Ranss Remarks
) ()t (mv) (namp)
UA-2-89 11-6 thru 11-11 - 4% Hp —200 —210 to 5000 -
UA-3-89 11-12 - 4% Hp —100 200 to 5000 -
11-13 - Ar 7 200 to 4000 -
11-14 - 4% Hp -155 ~500 to 1500 -
11-14 0.0026 4% Hj - 200 to 1000 -
11-17 0.0026 4% Hz —280 20 to 5000 -
11-17 0.5 4% Hp - 4000 - €1l added with potential at
4000 mv, Table 4.
UA-4-89 11-18 - air -200 4500 to —200 -
11-19 - air -85 900 to —-1100 -
11-19 0.01 air - 100 to 300 -
11-20 0.01 air -113 300 to 4500 - Breakaway high current at
4500 mv, Table 4, Fig. 32,
UA-5-89 11-21 0.01 20% 0y -150 0 to 550 - Breaskaway high current at
550 mv, Table 4, Fig. 32.
UA-6-89 11-21 0.01 4% Ha —250 50 to 800 - Breakaway high current at
<0 mv, Table 4, Fig. 32.
UA-7-89 12-2 0.01 4% Hap - - Table 5
UA-8-89 12-9 - 4% Hp -850 —-600 to —1300 -
12-10 - 4% Hp —~270 -1200 to 2000 -
12-11 - 4% Hp —60 —1150 to 5000 -
12-12 - 4% H, - - ~5 to —1940
12-17 - 4% Ha ~140 250 to 350 -
12-17 - 20% 03 - 250 -
12-17 - 20% 02 - - —6.3 to —3000

12-19 - 20% 02 —50 600 to 5000 -




(Table 2 cont'd.)

#1969. -
Pa11 solutions 0.1M K,SO,; pH 5.8; 25°C.

®One specimen used tlroughout each experiment. All specimens except
UA-8-89 were machined and had an air film when placed in cell. The
UA-8-89 specimen was abraded with Al;03, grade 320, prior tc placing
in cell. All specimens were from quenched and aged material.

“Where unspecified, the remainder of atmospheric pressure was supported
by argon. Composition given in percent.

fPotential versus SCE.




Experiment
Number®

UA-8-89

UA-8-89
UA-8-89

UA-11-89
UA-11-89
UA-11-89
UA-11-89
UA-11-89

UA-11-89
UA-12-89

UA-12-89
UA-12-89

UA-13-89

UA-14-89

UA-14-89

UA-14-89

b
Date—

1-15

1-16
1-19
1-19
1-21
1-22
1-23
1-26

1-27

1-27
1-28
2-2

K250,
f
(M)

L1(F)

H,S0,

mt

JA(F)

L1(®

(P

N T

1(F)

1(F)

1(F)

1(F)

TABLE 3.

pHE Gas

atm

1.2 4 Hp

(1.22)

1.3 100 Ar
.25 4 Hp
.25 4 Hy
.25 20 0,
.25 20 0y
.25 20 Op
.30 4 Hp

(.63)

.25 4 Hp

(.83) 20 0,
.25 20 0z
.25 20 0p

(.83) 4 Ha

100 02

100 Ar
.35 4 Hy

(.70) 100 O,
9.7 4 Hy

(10.1)

9.6 4 Hp
(9.5) 20 0y
(.57) 4 Hy

100 03

Polarizagion
Range
(uv)

~600

~800
0
0
150
150
~1000
-800

=700

-800

-600
-800

-900

-1400

-1600
~1100

to

to
to
to
to
to
to
to

to

to

to
to

to

600

800
600
600
450

550
450

450

550

750
450

600

=350
-200

A;IDYS

Polarization
Data
Figure Number

17

18
19
20
20

21

22

22
23
24

25a
250

27

28
26

SUMMARY OF EXPERIMENTAI, CONDITIONS AND PROCEDURES FOR
POLARIZATION MEASUREMENTS WITH U
IN SOLUTION OF SULFURIC ACIDR

Footnote
Remarks

g,h

Results of examination of v
Surface of specimen for pits.—

No pits on UA-8-89

One shallow pit on UA-11-89

Few shallow pits on UA-13-89

Numerous shallow pits on UA-14-89
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(Table 3 cont'd.)

Two experiments at pH 9.6 are included; UA-14-89 on 2-9-70
and on 2-10-70.

Experiments are identified by the combination of number and
date.

1970

The number enclosed in parentheses was calculated from platinum
potential. Other values were obtained using a glass electrode
with samples of the solution.

Where unspecified, the remainder of atmospheric pressure was
supported by argon. Composition given in percent.

All potentials vs SCE.

(F) means that the cell-solution was freshly charged. Otherwise
the cell solution was that used in the previous experiment.

This specimen was used in previous experiments (Table 1) and had
a heavy anodic film at the start. Following the measurements
shown in Table 1, the specimen was exposed to air for several

weeks and was then used in an experiment to measure N,O reduction
on 1-13-70.

Initial open circuit potential (I.0.C.) with 20% 0, atm was
86 mv. Upon changing to 4% Hy, the potential shifted to 96 mv.

Visual and microscopic examination showed that the heavy oxide
film had been dissolved during the anodic polarization on this
date; there was no evidence of pitting.

Specimen had been in air over night. Initial open circuit
potential was near zero mv.

Specimen had been in air over night.

Specimen was examined following this measurement. Its surface
appearance was the same as that described under footnote h.

Fresh specimen with air-formed film on machined surface.

Specimen had been in air over night.
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(Table 3 cont'd.)

Ran experiment to follow O.C. potentials. I.0.C. was 150 mv.
After 450 mv polarization, O0.C. went -100 mv in 39 min. O.C.
increased to 55 mv over night.

Exploratory measurements of cathodic polarigzation behavior
following anodic polarization to dissolve film.

After 550 and 450 mv polarizations, the potential was reduced
rapidly to -1000 mv. Current was -770 yamp during 5 hr exposure.
Upon putting specimen on 0.C., the potential went positive very
rapidly.

The O0.C. in this experiment after cathodic polarization was very
close to the Pt-potential, -240 mv, i.e., it was very close to
the reversible potential for Ht-reduction.

The cathodic polarization data were near those obtained on
1-26~70. There was no observable reduction of O,.

Cathodic behavior checked that of 1-27-70, anodic behavior also
checked previous observations.

Cathodic behavior comparable to that obtained on 1-27-70. No
observable reduction of Oj.

Fresh specimen with air-formed film on machined surfaces.

Initial cathodic polarization were made without prior anodization.

Fresh specimen abraded with Al;05 grade 320,

There was close correlation between 0.C. potentials and
Pt-potentials in this experiment. Upon placing the specimen
in cell, the 0.C. was -625 mv while Pt-potential was -450 mv.
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(Table 3 cont'd.)

Added KOH to decrease Pt-potential to -796 mv. Along with
this change, the specimen potential decreased to -790 mv.

The specimen was left in the cell with 4% H, over night. The
0.C. rose to -320 mv.

02 reduction was observable during some portions of the
measurements.

These specimens were free of pits prior to exposures within
the cell.




A correlation exists between minimum open circuit potentials and

pH as can be seen in Fig. 9. The same functional relationship,

Ey o= -.059 pH + constant, (1)

has been reportedl’2 for the initial corrosion potentials of Ti.
However, no satisfactory explanation for this relationship has been
offered, and I have none to propose for uranium. A possible
connection with UH5 1s suggested by the location of the open circuit
potentials between those at which UH3 is in equilibrium with UO and
with U(CH)3.

The open circuit potential observed by Ward and Waber in a
comparable experiment at 35°C (Appendix 3) is included in Fig. 9, and
is in agreement with my results.

4.1.2 Effects of Cathodic Polarization to Potentials Below
Those at Which UOp; and UH3 are in Equilibrium

Cathodic polarization to potentials below those at which U0, and

UH3 are in equilibrium in the reaction,
UH; + 2H,0 == U0y + 7H + 7e7, (2)

always produced a marked increase in the cathodic current (see Figs. 2,
4, and 7). The potential at which the break in the cathodic
polarization curve was observed in each of the different experiments
is plotted in Fig. 10 (see Appendix 1). The minimum potential which
was employed in Exp. U-3 at pH 9.6 was above the potential for
equilibrium between UH3 and UOp, and no break was observed in the

cathodic polarization curve.
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reduction of UO, or by reaction between U and Hy0 below the potential -

These results provide very strong evidence that UH; forms by

at which UH3 is stable with respect to reaction with Hy0. The UHj
could form on the surface of the UO; film with the electrons passing
thru the oxide from the metal if the oxide is an electronic conductor,
or it could form at the metal-oxide interface if the oxide is
permeable to H,O. The particular processes which actually prevail

were not established by these experimental results.

4.1.3 Bffects of Anodic Polarization Above the Initial Steady Open
Circuit Potential but Below Potential of
Equilibrium Between UQ, and UQO,

4.,1.3.1 Fig. 4, pH 6

Anodic polarization at -950 mv from the open circuit potential
of -1.01v caused formation of passive film. This could be deduced
from the facts that, (1) the current changed during polarization
from 4yamps/cm2 anodic to 6.7pamps/cm2 cathodic, and (2) the steady
open circuit potential shifted to -320 mv following the polarization
to -950. Also, the open circuit corrosion rates changed from an

2 o~ l.auam,ps/cm2 as a result of

estimated value of > 13uamps/cm
the polarization (lgamp/cm? = .36 mpy). The corrosion rate prior to
polarization was estimated from the effects of polarization on the

current and from the estimated anodic current following polarization.

The latter estimate was made from the cathodic polarization and open

*
circuit potential data shown in Fig. 4.

*See Appendix 5.
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4.1.3.2 Fig. 6, pH 0.5

Pagsive film was formed during anodic polarization in this
strongly acld solution. This could be deduced from the facts that,
(1) the estimated anodic current at open circuit dropped from about

2 to about l.5pamps/cm2 after polarization to ~100 mv, and

éuamps/cm
(2) the slopes of the cathodic polarization curves increased as a
result of the polarization.* The open circult potential did not

shift appreciably after anodic polarization to -100 or O mv presumably
because of counter acting effects of the additional passive film on
the rates of the anodic and cathodlc processes. The open circuit

potential was raised substantially by the subsequent polarizations

to +200 and +225 mv.

4.1.4 Cathodic Processes Above Potentials at Which UH3 and UO;
are in Equilibrium

a. Fig. 3, pH 9.6, deaerated solution

The cathodic process in this case was, very likely, either direct
reduction of HyO with evolution of Hy, or formation of UH3 by reaction
between U and HoO. There was insufficient H" or 02> in the solution
to account for the observed currents.*

b. Fig. 4, pH 5.6, deaerated solution

In this case, the (H+) may have been barely sufficient to account
for the highest cathodic currents. However, the line thru the data
points is approximately parallel to that thru the data at pH 9.6,
Fig. 3, and it seems likely that the reduction process was the same

as that at pH ©.6.

*See Appendix 5.
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c. Fig. 6, pH 0.5, deaerated solution

The cathodic process in this case was almost certainly H+-reduction.
The Tafel slope for the initial cathodic polarization was close to that
expected with film-free surfaces, 118 mv/decade.* The higher slopes
associated with subsequent cathodic polarizations can be ascribed to
the presence of thicker passive films. The indicated exchange current
was very small (~ 10-1° amps/cmz).

d. Fig. 6, pH 0.5, aerated solution

No sensible amount of reduction of O, was observed on the
partially passivated surface when the atmosphere of 4% H, was replaced
with 20% Os. An Oz-reduction current of 4 to Spuamps could have been
detected, and a limiting diffusion current much greater than this would
be expected on surfaces where Op-reduction is not inhibited in some
way, €.g., by high resistance to passage of electrons thru surface
films or by slow or very low adsorption of Os on the surface. A
limiting diffusion current of 200 to 40Quamp/cm2 was expected for
uninhibited Oy reduction in this experiment.*

e. TFig. 7, pH 0.5, aerated solution

Reduction of O with a limiting current of about lQuam.ps/cm2 was
indicated by the results of this experiment. Here again, a limiting
diffusion current of 2OO-4OQuamp/cm2 was expected for uninhibited

reduction of Oj.

*
Appendix 5.
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f. Fig. 1, pH 5.8, aerated solution

Oyxgen reduction in this experiment over the potential range
tested was typical of that expected for an uninhibited surface. The
high slope was consistent with the presence of passive film.* The
limiting diffusion current was not determined in this experiment.

It might be noted that this specimen had been subjected to
anodic polarization prior to the cathodic polarization and this may
have affected the Op-reduction properties by causing removal of the

film and pitting of the surface.

4.1.5 Effects of Anodic Polarization to Potentials Above Those
at Which Anhydrous UOs3 and UO, are in Equilibrium

Anodic polarization to potentials near those at which anhyarous
UOs is in equilibrium with UO; always resulted in a shift from a
passive to an active state as shown in Figs. 1, 5 and 8. The
potentials at which the transition occurred are plotted vs pH in
Fig. 11.

A Tafel relationship prevailed in the transpassive region. Visual
examinations showed that all dark film was removed at potentials above
the transpassive potential and that it reformed below this potential.
Also, shallow pits were formed on the surfaces of specimen which had
been exposed at transpassive potentials (Table 1).

These results provide clear evidence that protective U0, is
converted to soluble UO3 at and above the potential of equilibrium

between U0, and UOs.

*
Appendix 5
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The shallow pits are probably explained by the occurrence of ‘
processes similar to those which explain pit-initiation and growth in
the presence of aggressive anions (Appendix 4). In the present case,
it can be postulated that UO3; formulation and dissolution begins at
localized sites where the electronic conductivity of the U0, film is
the highest. The conductivity at the site would increase as the film
thickness decreases, and so the dissolution would continue at an
increasing rate until the UO, film is penetrated.* When the metal is
exposed, the high local corrosion rate would cause changes in the
local potentials and solutions componsitions; the potentials would
decrease, and HyS0, would accumulate within the pit solution (Appendix
5). At equilibrium, the pit-potential would presumably be below the
surface-potential but above the potential at which the net pilt-current
would be cathodic. Consideration of the experimental polarization
data reported above, Figs. 4, 5, and 6 led to the conclusions that the
equilibrium potential would be above about -700 mv (SCE) at < 1N HpS0,
within the pit, and that the equilibrium rate of corrosion within the
pit would be < leamp/cmz. The potentials and reactions which might
prevail prior to equilibrium are unknown. It can be speculated that
the potentials could go to very low values immedilately after eXposure
of bare metal. However, cathodic reactions, including UHs-formation,
would occur at the low potentials so that the net anodic current would
decrease and the potential would rise toward the equilibrium value.

It seems possible that overshoots would occur, leading to oscillations

of potential within the pit during the approach to equilibrium.

#0f course, the rate of dissolution must remain below a level at which .
the local potential is significantly decreased.
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The slopes of the Tafel-lines were 95 and 45 mv/decade at pH 5.3
and 0.55, respectively. The value for the acid solution can be
compared with the value of 40 at 37°C in H,50, reported by Kindlimann

and Greene.j’

No previous experimental information is available on
transpassive behavior in neutral solutions at 25°¢.

The transpassive Tafel slopes can presumably be related to the
kinetic mechanisms, but this has not been done. It can be noted that
while mogt of the oxide film is dissolved at transpassive potentialsg,
it must be assumed that some protective film remains on the surface
and that this protective film is UOs. The first assumption appears
necegsary because the anodic rates are below those which would be
expected in the complete absence of film. The second assumption is
necessary because the transpassive dissolution appears to be an

activation-controlled redox reaction with an equilibrium potential

corresponding to that for equilibrium between anhydrous UCp; and UOs.

4.2 Summary of Conclusions for Uranium

The experimental results lead to the following general conclusions
regarding the electrochemistry of uranium in solutions of 0.1M Kp50,,
(pE 5 to 6) and 1N H,SO, with one or more of the gas atmospheres; Ar,
4Hs @+ 96Ar, 20 O, : 80Ar (or 80N,).
a. A passive film of U0z forms on uranium above potentials near those

for the equilibrium,

UHs + HoO = UO + 5H' + 5¢7; E° = - .655 - .0591 pH  (3)*

¥potential vs SCE
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b. The passive film is removed, and increasing anodic rates occur
above potentials near those for the equilibrium between U0, and -

soluble UO5,

(o]

U0, (anh) + Ho0 =¥ UO3(anh) + 2H + 2e7; E° = .415 - .0591 pH

(L)*

c. The cathodic rate on the passive metal increases sharply below

potentials near those for the equilibrium,

©

UHs + 2H,0 = UO, + 7H + 7e”; E° = - .958 - .0591 pH

(5)%
This indicates that UHs is formed from UO, and/or from U by

reaction with Hy0 or with H+ below these potentials.

The above conclusions probably are valid for solutions of other
pH values but this remains to be verified. Given below for
convenient reference is a list of pH and gas atmospheres used in

experiments which led to the above conclusions.

General Conclusion pH (gas atm)
a. 0.5(4% Hy), 5.5(Ar), 6(4% Hy), 9.6(Ar)
b. 0.6(20% 05), 5.3(4% Hy), 5.8(air)
c. 0.5(20% 02), 5.4(Ar), 5.6(4% Hz)

Prior information on the corrosion of uranium in aqueous solutions
at temperatures of 25 to 100°cC is summarized, and is correlated and
interpreted on the basils of the electrochemical theory of corrosion,
in Appendix 3. The above general conclusions drawn from the present
work are consistent with the prior information as interpreted in

Appendix 3. The experimental data indicate that the sulfate and

*
Potential vs SCE
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bisulfate ions have little if any detrimental effects on the corrosion
of uranium despite the fact that soluble complexes are formed with
U(IV) and U(VI). These ions may have beneficial effects if aggressive
anions (chloride) are present. This is discussed elsewhere in this
report.

Other notable observations made in the present work include the
following
d. The exchange current for reduction of H+ in 1N HpSO, is very low,
~ 1O'loamps/cm2.
e. Reduction of 0, on partially passivated uranium in 1N H,80, is
inhibited. The mechanism of the inhibition is uncertain.
f. Reduction of 0 on uranium in 0.IM K,;S04, pH 5.8 appeared more or
less normal.
g. Shallow pits were formed on the surfaces of specimens exposed to

transpassive potentials (ES > ,415 - .0591 pH). This pitting can

CE
be explained in terms of the occurrence of processes similar to those
which explain pit initiation and growth in the presence of aggressive
anions (Appendix 4). Pit initiation in this case results from local
conversion of U0z to soluble UOB.

h. Polarization in the transpassive regions followed Tafel behavior.
The slopes were 95 and 45 mv/decade at pH 5.3 and 0.55, respectively.
Presumably these slopes can be related to the kinetic mechanisms, but
this has not been done. It can be assumed that some protective film

remains on the surface at transpassive potentials and that this film

is anhydrous UOj.



22

5.1 Results and Correlations -

*
Experimental Results and Discussion; U-7.5Nb-2.5Zr in 0.1M K;S80,, pH 5.8

The experimental results are presented graphically in Figs. 12
thru 16. Additional information, correlations, and comments on the
results are presented below.

5.1.1 Anodic Polarizaticn Behavior Prior to Cathodic
Polarization of Filmed Specimens

The polarization behavior determined potentiostatically in these
experiments 1s illustrated by curves representing data from experiments
UA-2-89, UA-3-89, UA-4-89, and UA-8-89, Figs. 12 and 13.

Notable features of the results are:

(a) Steady-state currents remained very small out to the maximum
voltage imposed (~ 5v). There was no evidence for the oxidation of
water which would be expected at the high voltages if the oxide films
were electronic conductors (Appendix 5).

(b) There was no significant difference between the behavior with
air and with 96% Ar, 4% H.

(c) Prior cathodic polarization of an unfilmed specimen (UA-8-89)
did not appreciably alter subsequent anodic behavior.

(d) There was a noticeable reduction of current at a given potential
following a small amount of anodization. After this initial effect,
the subsequent anodizations which occurred as part of the measurements
did not appreciably affect the steady-state currents. .

(e) In general, the transients which occurred upon increasing the
voltage gave rise to currents in excess of those at the steady state.

Upon decreasing the voltage, the transient currents were negligible. ‘
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(f) The specimens took on a gold-brass appearance during anodic
polarization. Specimen UA-8-89 had a deep purple color; possibly a
result of the extensive anodization and cathodization with this

specimen.

5.1.2 Anodic Polarization Behavior After Prior Cathodic
Polarization of Anodically Filmed Specimens

Cathodic polarization of anodically filmed specimens resulted in
a reduction in current at a given anodic potential during subsequent
anodic polarizations. This effect 1s illustrated in Fig. 14. No
correlation was noted between the cathodlc current or voltage and the

extent of this effect.

5.1.3 Cathodic Polarization Behavior

The results of cathodic polarization to -1.5 v in experiment
UA-8-89 using an atm of 4% H,, 96% Ar are illustrated in Fig. 15a,
15b, and 16. Those for polarizations to -1.8 v in the same experiment
using an atm of 20% Oz, 80% Ar are illustrated in Figs. 15a and 15b.
Other cathodic polarization experiments to -1.04 v are also illustrated
in Fig. 15a.

Notable features of these results are:

(a) Sharply increasing cathodic rates occurred below about -1.18 v
when the gas atm was 4% Hp. This effect occurred both before and after
ancdization.

(b) An increase in cathodic current also occurred at low potential
when the gas atm was 20% O,. However, the increase started at a lower

potential, ~ -1.45 v, and was less marked than that in the 4% H, atm.
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(¢) The maximum cathodic currents prevailing prior to the
transitions to high cathodic currents were less than those expected
for limiting diffusion currents; the expected limiting currents were
about 5 to 1lOuamp for the 4% H,, pH 5.8 solutions, and about 500 to
1000uamp for the air or 80% Ar, 20% 0, atmospheres.

(4) The cathodic currents at a given voltage in solutions with
0Oz atmospheres differed significantly from one experiment to another,
indiecating that the cathodic behavior was dependent upon the conditions
under which prior anodization (and possibly prior cathodization) were
performed.

The potentials at which transitions to high cathodic current
occurred in UA-8-89 are plotted in Fig. 10 where they can be compared
with the transition-potentials for uranium. The potentials of
alloy-transition in 4% Hp and in 20% O, were, respectively, about

125 mv above and 150 mv below that for uranium at the same pH.

5.1.4 Open-Circuit Potentials

The open-circuit potential prior to the start of an experiment
is listed in Table 2.

Fragmentary evidence was cbtained that these potentials shifted
considerably after polarization. At the end of experiment UA-8-89,
12-19-69, the specimen was placed on open circuit following
polarization at 600 mv. The open-circuit potential was 400 mv and
was drifting slowly downward. (The initial open-circuit potential

was -50 mv on this date.) The potential was then held at 5 v until
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a steady state was reached and then put on open circult. The initial
potential was about 2 v. It dropped quickly to the neighborhood of
400 mv and then dropped to about 300 mv over a period of several hours.
The next morning, the potential was +70 mv.

A shift in the cathodic direction during cathodic polarization
was also noted. During experiment UA-8-89, 12-10-69, the specimen
was placed on open circuit following cathodic polarization at -1400 mv.
The potential was -720 mv when first observed; it increased to -322
during an observation period of 72 minutes. (The initial open-circuit

potential in this experiment was -280 mv.)

5.1.5 Open Circuit Corrosion Rates
Corrosion rates at open circuilt could not be estimated accurately
from these experimental data. However, it was estimated that these

rates were < lQuamp/cm2 (< 6.3 mpy) in all experiments.

5.2 Discussion

The films formed during anodic polarization in KpSOu-solution are
apparently poor electronic conductors at the steady-state on the
anodic side; water was not oxidized at the high potentials. The
observed steady-state currents were probably due to ion movement
thru the film. However, the transient currents which occurred upon
a sudden increase in potential were well above those at steady-state,
and it is possible that these currents were associated with transient
electronic conduction. The stability of the film at potentials well
above that at which UO, can be oxidized to UO3 (Section 4) is probably

due, at least in part, to the poor electronic conductivity
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(This oxidation is a redox reaction, Appendix 5, and it is reasonable
to assume that electrons must pass thru the film in order to oxidize
UO2 at the oxide solutions interface.) However, UO; may have been
formed during the transient, high-current, conditions, and if so,

the film-stability is also due in part to a low solubility, near
neutral pH, of the oxide which contains Nby0Os and Zr0O, in addition
to U0s3.

The results of the cathodic polarizations in experiment UA-8-89
indicate that the behavior of the alloy at low potentials in the
absence of 0p is similar to that of uranium. As discussed previously,
it is believed that this behavior results from formation of UHs by
reaction between U0, (or U) and Hy0 or H+ below potentials at which
UH3 and UO, are in thermodynamic equilibrium (Section 4). In the
presence of Op the indicated cathodic behavior is quite different.
The observed increase in cathodic current starting at -1.45 v can
be ascribed to the onset of direct reduction of water to evolve
H, (Section 7), and it is not necessary to assume that UH3 was
formed.

No explanation is offered at this time for the observation that
cathodic polarization of an anodically-filmed specimen led to a

reduction in the anodic current during subsequent anodic polarization.

Experimental Results and Discussion; U-7.5Nb-2.5Zr in
*
0.1N and 1N H,S80,

*
Experimental condition and procedures in Table 3.
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6.1 Results and Correlations

The experimental results are presented graphically in Figs. 17
thru 26. Some results are included in Table 3. Additional information,
correlations, and comments are presented below.

6.1.1 Effects of Anodic Polarization to Potentials Above Those
at Which U0, and UO3 are in Thermodynamic Equilibrium

Figs. 11, 17, 18, 19, 20, 23, and 25b.

Anodic polarization to potentials above those at which anhydrous
UOy and UO3 are in thermodynamic equilibrium produced results similar,
in many respects, to those observed with uranium in 1N H»80,; and in
0.1M K,504. Specifically, (1) the anodic current increased markedly
with increasing potentials above the equilibrium potentials, (2) Tafel
behavior prevailed in the transpassi&e potential region, and (3) all
dark film was removed from surfaces above the transpassive potential.
Tt should be noted that the above remarks apply to all specimens
including UA-8-89, 1-15-70, which was coated with an anodic film in
K280, prior to exposure in the 0.1N H,S80,. This anodic film dissolved
during anodization in the H,80, (Fig. 17).*

The Tafel slopes for the alloy (Figs. 17-20, 23, and 25b) ranged
from 70 to 90 mv/decade. These are well above the 45 mv/decade found
with uranium in 1IN H,;80, but they are comparable to that for uranium
in 0.1M K,80,, pH 5.3.

There were no significant effects of gas atmosphere on the trans-

passive behavior and on the potential of transition.

*Tests with another specimen showed that a pre-formed anodic film did
not dissolve in aerated 0.1N H»S0, at open circuit potentials.
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It appears that, in general, the behavior of the alloy at high
potentials in 0.1 and 1N H,50, is comparable to that of uranium in
IN H,S0, and in 0.1IM Kp80, at pH 5 to 6 and, accordingly, that the
explanations for the behavior are the same as those discussed above
for uranium (Section 4.2). The rate controlling processes for the
alloy in the transpassive region in H3S50, are probably the same as
those for uranium in 0.1M K,SO,, pH 5.5 since the Tafel slopes are
about the same.

The fact that a pre-formed anodic film was dissolved during
anodic polarization in O.1N H»,50, indicates that the film was an
electronic conductor in HpS50,. As discussed previously, these films
are pcoor electronic conductors at the steady-state in 0.1M KpS0,

(pH 5.8) although they probably are electronic conductors under the
transient conditions which prevail after the potential is increased.
It can then be postulated that UO3 is formed during the transients and
that the resulting film which contains UO3 1s soluble in O.1N HyS504

but insoluble in K5S0, at pH 5.8 (Section 5.2).

6.1.2 Cathodic Polarizations

6.1.2-1 Cathodic Reductions of B and 02 in 1N HpS80,.

Occurrence of Pits.

The experimental results for the cathodic reduction of H+ and Oz
and for the occurrence of pitting fall into two groups with the grouping
apparently dependent upon specimen polarization history and other
pretreatment. The results for the two different groups are described

separately below.
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Group 1

Fach specimen had an air-formed film when immersed in 1N HyS0,
within the cell. Each specimen was anodized to +450 mv or above
prior to cathodic measurements. All visible oxide film was dissolved
during these anodizations (Section 6.1.1). The change to a cathodic
potential after anodization was made rapidly, and in some cases
instantaneously.

The experimental results which pertain to H+—reduction are
summarized by lines 1, 2 and 3 in Fig. 29.* As can be seen, the
results from different experiments are in near agreement. The data
formed good Tafel lines over many orders of magnitude of current.

The slopes of the lines were about 112 mv/decade. The exchange
currents were in the neighborhood of a few tenths yam.p/cm2 (Fig. 21).
The indicated corrosion rate at open circuit was << ,1 yam_p/cm2

(Fig. 21).

No reduction of 0Oz could be detected on these specimens
(Figs. 22 and 24). In one set of measurements (Nos. 2, 7, 8, 11 and
12, Fig. 24) which provided a sensitive test for Oz-reduction, the
expected diffusion-limited current from Op was > 500 yamp (see Fig. 30
and Appendix 5), and a current of 20-30 pamps due to Op-reduction
could have been readily detected; no Os-reduction current was detected.

With the exception of a single pit on specimen UA-11-89, these

specimens were free of pits after experimentation (Table 3).

A line representing H -reduction on uranium is included in this and
other figures for convenient reference.
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Group 2

The experimental results pertaining to H+—reduction are
illustrated by lines 4, 4a and 5 in Fig. 29. The data which were
obtained when the gas atmospheres was 4% H, formed good Tafel lines
over several orders of magnitude of current. However, the slopes
were gignificantly greater than 112 mv/decade. No reliable estimates
of the exchange currents could be made because the Tafel slopes were
apparently affected by film (Appendix 5). However, it is apparent
in Fig. 29 that the current at a given potential was far below that
for specimens in group 1.

Reduction of O, was observed in experiment UA-14-89, Fig. 26,
and the characteristics were more or less as expected for uninhibited
reduction. Reduction of Oy was also observed during one part of
experiment UA-13-89 (Fig. 25a) although the apparent contribution of
Os~-reduction to the current changed during the course of the measure- -
ments.

Pits were found after experimentation on each of the two specimens
in this group (Table 3).

Pretreatments for these specimens are summarized below:

Line 4, Fig. 29. ©Specimen UA-13-89 which was used in these
measurements had an air-formed film when it was immersed in H,504
within the cell. There were no polarizations above the initial open
circuit potential.

Line 4a. Following the line 4-measurements, specimen UA-13-89

was anodized at transpassive potentials and then employed in these

4a measurements. ‘
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Line 5. Specimen UA-14-89 was first abraded and then used in
polarization experiments at pH 9.5 (Figs. 27 and 28 and Section 7)
prior to use in the experiments represented by line 5. At no time
was the specimen polarized in H,80, at anodic potential where
film~-dissolution was expected.

6.1.2-2 Cathodic Reduction of H' in 0.1N H,SO,

The results of the one cathodic experiment in O.1N H,SO, are
illustrated in Fig. 29 where they can be compared with those in
1N H»S0,. The slope of the Tafel line was 112 mv/decade. The
indicated exchange current was much less than those in 1N H;30,. The
relationship between H+—reduction in 0.1N and 1N H,S0O, is discussed

in more detail in Section 6.1.2-3.

6.1.2-3 Summary and Discussion

Values and/or comments pertaining to certaln parameters which
summarize the observed cathodic polarization behavior of U-7.5Nb-2.5Z2r
in 1N HpSO, are listed in Table 4. Listings for uranium specimen U-5,
Fig. 6, in 1N HZSO4 and for U-7.5Nb-2.5Zr in 0.1N H,50, are included
for comparison. In addition, it can be noted that the data for
H+—reduction on U-7.5Nb-2.5Zr in 0.1 and 1N H»SO,; (group 1 specimens)
are adequately expressed by the equation,

ic(amps/cmz) = 1.2 x 10’9(H+)3/2exp— (—'—%%E ) (6)*%

where AP is the electrode potential (V vs SCE).
Experimental and theoretical information regarding the kinetics

+
of reduction of 0 and H and regarding factors which affect the
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Table 4. Summary of Observed Cathodic Polarization Parameters

for U, 7.5 Nb, 2.5 Zr and Uranium in 1N H_SO

2774
Specimen Material T Parameter
H ~reduction Detectible Occurrence
and/or Group
Tafel Cathodic Overvoltage_  Reduction of 0, of Pitting®
Slope c Transfer at -1 ma/cm
(mv/decade)— Coefficient— (mv)
U,7.5Nb, 2.5Zr
Group-1 112 .53 -450 to =500 No No
Group-2 154-210 .38 to .28 -750% to -930L Yes Yes
Uranium
Group-12 112 .53 ~735% - -
Group—zh 150 .38 —915£ No -
[alloy in 0.1N H,s0,1% 112 .53 —605= - -

#No prior anodization to form passive film, Fig. 6.
After anodization to form passive film, Fig. 6.

c’dSee Appendix 5.
e,f

respectively.

BAs determined by visual examination following experimentation.

hIncluded for comparison.

’>"Estimated by extrapolations from the maximum measured current densities of about -500 and -100 uamp/cmz,

‘Estimated by extrapolations from the maximum, measured current densities of -100 to -200 uamp/cmz.

ce
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kinetics are reviewed in Appendix 5. The following tentative
conclusions can be drawn from the experimental observations using
information in this review.

a. The surface films on the group 1 specimens of U-7.5Nb-2.5Zr
were thin and did not affect the transfer of electrons to hydrogen
ions in solutions adjacent to the surfaces. The same is true for the
group-1 uranium specimen in 1N H,S0, and for the alloy specimen in
0.1N H,80,. These conclusions were indicated by the experimental
Tafel slopes, 112 mv/decade, and transfer coefficients, 0.53. They
were also indicated by the histories of these specimens which were
such that only very thin films were expected to be present during the
cathodic measurements.

b. The surfaces of the group-2 alloy and uranium specimens were
coated with passive films.

Again, this conclusion was indicated by the Tafel slopes, >> 112
mv/decade, and by the transfer coefficients, << 0.5. They were also
indicated by the histories of these specimens except that of specimen
UA-13-89, Figs. 25a and 29, line 4a. This specimen was anodized at
transpassive potentials prior to the line 4a measurements. However,
the specimen had been cathodically polarized to -850 mv prior to the
anodigzations, and it is possible that this pretreatment effected
changes in the composition of the surface material which survived the

*
anodizations and affected the subsequent cathodic results.

*
However, the anodic currents in the transpassive region were not

significantly different from those for group-1l alloy specimens
(Fig. 25b).
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¢c. The overvoltages for H+—reduction on the alloying elements
(Nb and Zr) are much lower than those on uranium, and these alloying
elements are probably exposed and enriched on the surface of the alloy
during anodic polarizations at transpassive potentials.

These conclusilons were suggested by the low overvoltages on the
group-1l alloy specimens and by the relatively high overvoltage on the
group-1 uranium specimen.

d. The relative concentrations of Nb and Zr on the surfaces of
alloy specimens after transpassive polarization in O0.1N and 1N H,S0,
are greatest when the polarization is done in 1N H3S80,.

This conclusion was suggested by the appearance of the factor,
(H+)3/2, in Eqn. 6. Theoretically, the current at a given AY should
depend on the concentration of H+ to a power of 0.5 to 1.

e. The concentrations of 0, and/or the amounts of adsorbed O,
at the surfaces of the group-2 alloy specimens were greater than those
for the group-1 alloy specimens.

This conclusion was based on the observation that reduction of
0, could be detected with the group-2 specimens but not with the
group-1 specimens, and also on the observation that the hydrogen
overvoltage was highest on the group-2 specimens. The latter observa-
tion led to a discounting of the possibility that differences between
energetics of electron transfer from the surfaces accounted for the
differences between Op-reduction characteristics.

It may be noted that the expected diffusion limited current

for Op-reduction with P02= 1l atm was 1 to 2 ma/cmz. The data show




35

that this limiting current was reached during some of the measure-
ments with group-2 alloy specimens.

f. Pitting. There is no obvious explanation for the differences
between pitting characteristics of the alloy specimens. However, it
can be noted that the histories of the specimens which were pitted
included early cathodic polarizations to potentials below or near
those at which UH3 can be formed by reduction of UOp;. It is possible
that localized UHs-formation occurred and that later oxidation of the

*
UH3 resulted in the pits.

6.2 Summary of Conclusions and Notable Features of Results.

It was concluded that the alloy exhibits transpassive behavior
which is similar in the following respects to that of uranium in
AN HpS0, and in 0.IM KpS0,: (1) the onset of transpassivity occurs
near the potentials at which anhydrous UO2 and UO; are in thermodynamic
equilibrium, (2) Tafel relationships prevail in the transpassive
regions and (3) all dark films are removed from surfaces at transpassive
potentials. The explanations for the transpassive behavior of the
alloy are thought to be the same as those discussed for uranium in a
previous section (Section 4.2). The processes which control the
anodic rate on the alloy in the transpassive region are probably the
same as those for uranium in O.1M K»50,, pH 5.6 since the Tafel
slopes are about the same (70 to 90 mv/decade).

Transpassive polarization probably causes exposure and enrichment

of the alloying elements, Nb and Zr, on the surface of the alloy. The

*Also, it is possible that the abrasion-pretreatment of UA-14-89
produced the shallow pits in the specimen.
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for H' -reduction on these enriched and film-free surfaces in H,50, is -

enrichment is greater in 1N H,80, than in O0.1N H,S0,. The overvoltage

substantially less than that on uranium.

Alloy specimens which are coated with passive films exhibit
overvoltages for H+-reduction which are comparable to those on
uranium.

Reduction of oxygen takes place in a more or less normal manner
on the alloy surfaces which are coated with passive films. The reduc-
tion on the enriched and film-free surfaces 1s inhibited. This
difference between the two types of surfaces probably involves
differences between the concentrations of 0p at the surface and/or
between the amounts of Oz absorbed at the surface.

Pits were found on the surfaces of certain specimens after -
experimentation. The exposure histories for these specimens differed
from those which did not exhibit pits. In particular, these histories
included early cathodic polarizations to potentials below or near
those at which UH3 can be formed by reduction of UO,. It is possible
that localized UHj-formation occurred and that later oxidation of
the UH3 (below transpassive potentials) resulted in the pits. Also,
one of the specimens was abraded, and it is possible that this

pretreatment affected pit formation.

*
Experimental Results and Discussion; U-7.5Nb-2.5Zr in O.IM K;S80,, pH 9.5
7.1 Results

The experimental results are presented graphically in Figs. 27 and 28,

*Experimental conditions and procedures in Table 3. .
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7.2 Discussion

Polarizations were made at potentials < Ov, and atmospheres of
4% Hy, or 20% O, were used. The polarization data showed a low
corrosion rate and a more-or-less ideal behavior with respect to Os-,
H+— and HsO-reduction. An anodic polarization to -200 mv preceded
the cathodic polarization (Fig. 27). Accordingly, it can be inferred
that the surface of the specimen was coated with a passive film during
the cathodic polarizations and that the high Tafel slopes for
H,O-reduction resulted from the presence of this film (Appendix 5
and Section 6).

The H,0-reduction data provided a basis for interpretation of the
high cathodic currents observed with a previous, anodically-filmed,
specimen in K550, (pH 5.8) with an atm of 20% 0,. As shown in Fig. 31,
the present data are in near agreement with those of the prior
experiment, and it can be inferred that the same cathodic processes

*
prevailed i.e., HpO-reduction with evolution of H, in both cases.

Pitting Experiments in Scolutions of 0.1M K»50, plus KC1
(pH 5.8) U-7.5Nb-2.5Zr

8.1 Introduction
Potentiostatic and galvanostatic experiments of pitting were
made in solutions of 0.1M K550, containing alsc .0026, .01 or .5 M

KC1l. ©Specimen history and procedures are summarized in Tables 2 and 5.

*As discussed in Appendix 5, the reduction of water in neutral and
alkaline solutions containing an excess of supporting electrolyte
is expected to be independent of pH.
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TABLE 5

BREAKDOWN POTENTIALS IN K,S0,~KCl SOLUTIONS™

Potentiostatic Measurements

Experiment’  KC1 Breakdown

.. o¢c
Number ™) Potential Atmosphere Remarks
(uv)
UA-3-89 0.0026 >5000 96 Ar Specimen ancdically filmed in
4 Hp prior measurements. Maximum prior
voltage: 5000 mv. No pits.
UA-3-89 0.5 <4000 96 Ar C1” added with potential at
4 Hy 4000 mv. Badly corroded.
UA-4-89  0.01 4000 air Specimen anodically filmed in
prior measurements. Maximum prior
voltage: 4500 mv. One pit only.
UA-5-89 0.01 550 80 Ar Some anodic film formed during -
20 0, megsurements of steady-state currents
at 9 potentials prior to reaching
breakdown potential. Several pits.
Fig. 32 -
UA-6-89 0.0l <0 96 Ar Some anodic film formed during
4 Hp measurements of steady~-state currents

at 11 potentials prior to reaching
breakdown potential. Several pits.
Fig. 33

8011 solutions 0.1 M K280,; pH, 5.8; temperature, 25°C.
All specimens were machined and had an air film when placed in cell.

cPotential versus SCE.
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Theoretical and experimental aspects of pitting in the presence

of aggressive anions are reviewed and discussed in Appendix 4.

8.2 Results

The results of potentiostatic measurement of breakthrough
potential on preanodized and on air-filmed specimens are listed in
Table 5 and shown graphically in Figs. 32 and 33 for experiments
UA-5-89 and UA-6-89.

These results demonstrated that the breakthrough potential
depended, as expected, upon (Cl ) and upon the type and amount of
film on a specimen. In the case of the air-filmed specimens
(UA-5-89 and UA-6-89), it also depended upon the gas atmosphere--the
breakthrough potential was lower with 4% H, than with 20% 0.
However, it is likely that this difference reflected a difference
between types and amounts of film formed upon immersion of a specimen
in the test solution. Pitting potentials were measured in experiments
UA-5-89 and UA-6-89 and were between O and -100 mv, Figs. 32 and 33.

The results of galvanostatic measurements of breakthrough and
pitting potentials with 0.0IM KC1 and an atmosphere of 4% H, are
listed in Table 6. The specimen was air-filmed. The initial
measurements showed potentials near those found in the potentiostatic
measurements. However, a cathodic polarization to a minimum of
-1,15 v resulted in a large increase in pitting potential.

8.3 Discussion
Most of the pitting behavior observed in this work is similar

to that which has been reported by others for other materials, and
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TABIE 6

BREAKDOWN AND PITTING POTENTTALS IN K5S50,-KCl SOLUTION

Galvanostatic Experiment UA—’7-89a’b’i -
o Current Breakdownd’f Pitting o f
Number (uamps) Potential Potential™’
(mv) (mv)
1 10 300 0 to —100
2 100 750 0 to =50
3 4.5 750 0 to +50
4 9 750 0 to +50
5 15 850 0 to +50
6 45 1050 0 to +50
7 ~108 - ~
8 22 850 +50 to +100
9 ~10" ~ - :
10 10 1500 +500 to +800
11 90 1500 +500 -
12 150 - +500 to +750
13 225 - +500 to +750
14 450 1500 +500 to +750

830lution 0.1 M K,80,, 0.01 M KC1; pH, 5.8; temper-
ature, 25°C; atmosphere, 96Ar, 4H,.

bSpecimen was machined; air film when placed in
cell.

®Successive measurements as numbered.

dMaximum potential.

?Approximate steady potential at given current.
:All potentials versus SCE.
&Two minutes to -500mv.

hNine minutes to -1150mv.

i .
There were numerous pits on the surface after
these exposures.
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can be qualitatively explained as discussed in Appendix 4. The
marked effects of cathodic polarization on the pitting potential
is unexplained. It seems reasonable to assume that these effects
resulted from changes in the structure and/or composition of the
film during cathodic polarization, but the nature of these changes
is unknown.

Polarization Behavior in 0.1N HC1l and in O0.1M KC1,
pH 8.66, U-7.5Nb-2.5Zr

Major results of these experiments are shown graphically in
Figs., 34-37. Both specimens were coated with an air-formed film
when immersed in the test solutions.

The anodic polarization behavior was typical of that expected
with pitting in solutions containing chloride. However, the attack
was in the nature of localized shallow attack rather than deep pitting.

The appearances of the films on those surfaces which did not
undergo localized attack were not changed by the anodic or cathodic
polarization in HC1l. In the 0.1M KC1, pH 8.66, the films adjacent
to the corroded areas exhibited temper colors.

The cathodic polarization data in Fig. 36, points 13 to 17,
indicate that most of the H+—reduction took place on the corroded
surfaces. Accordingly, they also indicate a very low overvoltage
for H+-reduction on these surfaces. Thus, assuming that all
H+-reduction took place on the estimated 5 to 10% of the surface
which had undergone localized attack, the extrapolated overvoltage
at -1 ma/cm2 would be about -300 mv. This compares with values of

-450 to -500 mv for film-free specimens in 1N H,S0,.
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An important conclusion which can be drawn from these and
previous experiments with chloride is that the film can be protected
from C1 -attack by maintaining a sufficiently low potential. With
< 0.1M Cl, the film on unstressed specimens would not be attacked
at potentials <-325 mv (SCE). Stressed specimens may act differently,

but this point was not investigated.
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™S NbO +Hp0 === NbOp + 2H" + 26

e ™~
U-5 N
20 0 N
\ \‘
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\ ~
~
9 ua-s, an
-8, 4H,
T ; \Q
UHz+2H,0 2= U0, + TH* + 76~ N
I
U-4, 4H, O] AN

~N
u-2,Are \\\\\\\ ~

~N

N

\
UA-8,20 0p O \< N
/ \
U-3, Ar

~< >
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1 2 3 4 5 6 7 8 9 10
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Fig. 10. Potential of Transition to High Cathodic Currents
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Fig. 11. Transpassive Potential vs pH
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| ’ |{‘
. EXPERIMENT: 1, 2 AND 3 OF UA-3-89; b
RUN SUCCESSIVELY UA—3—89/
SOLUTION: 0.1 M K,SO,4, pH 5.8 NO. 2
100 Ar
’ ]
/ ‘
UA-3-89
| NO.1
96 Ar, 4H,
UA-3-89
NO.3 ® UA-4-89
96 Ar,4H, AlR é
Y
V4
q L ///
/// ///
// ‘/////
—
// /,;:/
/ _r‘;//
/,////
//A”” /
-
10°2 2 5 107! 2 5 109 2 5 10! 2 102

CURRENT (gamp) (1.25 cm?)

Fig. 12. Anodic Polarization of Alloy in K,S0,, No Prior

Cathodic Polarizations
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/
L]
SOLUTION: 0.1 M K,S0,, pH 5.8
UA-8-89
12-11-69
12-12-69
- 4H2 \\T =
UA-4-89 / /
11-18-69 7
AIR
~ 7
UA-3-89 N Y,
11-12-69 /;/
4H, pali
UA-2-89 s /4’
4H2 ~J >/ /’/
pd Vs
-~ L
4’\2 /%/
o~ :/”
Lt Lt
P e B
e W g P
‘/'%//
4//
//
1
P
10"2 2 5 10~! 2 5 10° 2 5 10' 2 5 102

CURRENT (gamp) (1.25 cm?)

Fig. 13. Anodic Polarization of Alloy in K3S0,, No Prior

Cathodic Polarizations
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5 T

SOLUTION; 0.1 4 K,S0,4, pH 5.8

AR anvi
e /

B. UA-8-89, 12-12-69
TO —1.4V AND —420uamp ALSO TO
—1.5V AND —1960 pamp

C. UA-3-89, 11-14-69

~N
N

i

3 TO ~600 mV AND —0.2 pamp
D. TYPICAL BEHAVIOR PRIOR TO A o
CATHODIC POLARIZATION

w
o

/
//’1;; ////)///
/7

10 2 5 10 2 5 10° 2 5 10! 2
CURRENT (gamp) (1,25 cm?)
Fig. 14. Effects of Cathodic Polarization of Anodically-Filmed
Specimen of Alloy on Subsequent Anodic Behavior;

K280, Solutions
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\\ A
\\ N SOLUTION: 0.1 # KpSO, , pH 5.8
N,
N
\ N
c A D B
v
A. SEE Fig. 15b
B. SEE Fig.15b
C. UA-3-89, 11-14-69
4% Hp ATMOSPHERE
D. UA-4-89, 11-19-69
AIR ATMOSPHERE
1072 2 5 10™! 2 5 10° 2 5 10! 2 5 102

CURRENT (uamp) (1.25 cm?)

Fig. 15a. Cathodic Polarization of Alloy After Anodization;
K,S0, Solutions
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\\
———
ted
\\\\\\ A
B
\\ \
A. DATE: 12-12-69, 4% H, ATMOSPHERE \\\\\\
B. DATE: 12-17-69, 20% 0, ATMOSPHERE
EXPERIMENT: UA-8-89; PREANODIZED, pH 5.8
GALVANOSTATIC MEASUREMENTS N
SOLUTION: 0.1 M K,S0, , pH 5.8 RS
(SEE Fig. 15a) \\\\\
109 2 5 10 2 5 102 2 10® 2 5 104

CURRENT (mamp) (1.25cm?)

Fig. 15b. Cathodic Polarization of Alloy After Anodization;

X250, Solutions
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1T T T TTTI |
EXPERIMENT : UA-8-89
SOLUTION : 0.4 M K»S04 ,pH 5.8
o3 ATMOSPHERE : 4 % Hp
0,0 INITIAL MEASUREMENTS , 12-9-70
e  12-11 AND 12-12-70 FOLLOWING
ANODIC POLARIZATIONS TO
-0.5 4000 AND 5000 mv
-0.7
\W I N
——1.0.¢C 3 a \\\
0.9 \. \\ g\\
N \R I
-1 Y
.\ N L
P .
\ > p r . ‘L
S ) S— —— - — - _—
EQUILIBRIUM POTENTIAL FOR REACTION « °*
UHg+2Ha0 == UO, + THT + 7¢” ﬁ )
s R 10
107! 2 5 10° 2 5 10! 2 5 102 2 5 10°

Fig. 16.

CURRENT (namp) (1.25 cm?)

Cathodic Polarization of Alloy, K,S0, Solutions
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21
[e N3] S ~—— ]
43 '9/\/‘:_—
0] = —+—°
0a 618 | 1111
3 .—_‘/
/ [
.Zu——-/ b
L—tTe2
02 /oo
m/
1.0.C EXPERIMENT UA-8-89, 1-15-70
o m SOLUTION: O A HpSO,4, pH1.2
ATMOSPHERE. 96 % Ar, 4% Hp
12
|
2.8 0.07 NUMBERS INDICATE ORDER OF MEASUREMENTS
[ 103
-04 —of
[ 31
17
-06 o=
107! 2 5 10° 2 5 10! 2 5 102 2 103 2

CURRENT (uamp) (125¢em? )

Fig. 17. Polarization of Alloy in O.1N H,SO,
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06 o *
10 12 *
- I
9 ,J_ob”‘l 18
04 8 - T e 15 700, 1378 pA
4 ] 20 16 750, 1850 pA
6 %/24 17 800, 2248 A
2 FI’“ 22
02 _4gd 7 23
3%724
o
25
—_ (o]
W e-=—2 009
g e=—1 005
Y
s
> EXPERIMENT UA-8-89, 1-16-70
SOLUTION O 1 ¥ H,50,
ATMOSPHERE  Ar
-02
-04 NUMBERS INDICATE ORDER
~l OF MEASUREMENTS
B 30
A 29
N2
r Lo 28
-06 e
\\’\ E?
\Ar j
2
-08 \‘\A
107! 2 5 10° 2 5 10! 2 5 102 2 5 103
CURRENT {omp) (1 25 cm?)
Fig,

18. Polarization of Alloy in O.1N HSO,
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ST TTTI
EXPERIMENT: UA-8-89, 1-19-70
SOLUTION: 4/ H,SO4, pH 0.25
0.8 ATMOSPHERE: 96% Ar, 4% Hp
0.6 4200%%.
1825 —»
10 16
o
2—’ ﬂ‘,’—’A-_"f/
0.4 3 ol LT 6
' . ‘__—————“é 7
3] |t
5 ® "// - 18
3 '/2‘ 19
4 A | 20
0.2 -~
2 A2
722 NUMBERS INDICATE ORDER OF MEASUREMENTS
<—?0.035
N |
107! 2 5 109 2 5 10! 2 5 102 2 5 102

CURRENT (pamp) (1.25cm?)

Fig. 19. Polarization of Alloy in 1N H,SO,
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0.7 T T T T 11T T T TT71

NUMBERS INDICATE ORDER OF MEASUREMENTS
0.6 5300 9‘
1900‘E>A
o5 | o1-21-70 !

) SOLUTION: 1V HpS04 T
ATMOSPHERE: 80% Ar, 20% 0, A_//
INCREASING POTENTIAL L 2

Lt~
0.4 b— Bar [
8 7 ”’{ }
—— 14
// 1-19-70
0.3 K A SOLUTION: 4# H,SO,4
1 f 15
/ ATMOSPHERE: 96 % Ar, 4% H,
o} / 13
0.2 o 5@
/
O -=— +0.05 4e A
1.0.C. /
04 3
//
2
) .-
107! 2 5 10° 2 5 10! 2 5 102 2 5 10

CURRENT (zamp) (1.25 cm?)

Fig. 20. Polarization of Alloy in 1N H,S0,, Experiment UA-11-89
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=] Bk I T T T [
EXPERIMENT UA-11-89, 1-26-70
SOLUTION {# HpSQO4, pH 0 25
ATMOSPHERE 4% Hj,

I0C H6e0mV

® FOLLOWING ANODIC POLARIZATION AT
\\ 550 AND 450 mV, INCREASING V

N NO FILM

AR

\h”’/dec PRETREATMENT-SEE TABLE 3

o/
/4
7

o/

5 40 2 5 10° 2 5 10! 2 5 102 2 5 10
CURRENT (pamp) (1 25 cm?)

Fig. 21. Cathodic Polarization of Alloy in 1N Hy50,, Reduction
+
of H
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o2 T TTTH R |
EXPERIMENT : UA-14-89 AND UA-12-89, {-27-70 (SEE TABLE 3)
SOLUTION: { &/ HpSOy4 , pH 0.25
o4 © UA-11-89, 4% Hp , AFTER ANODIC POLARIZATION
’ DUA-11-89, AFTER REPLACING Hp WITH 20% 05
N ® UA-{1-89, 20% 02 ATM AFTER REANODIZING AT + 450 mV
"~ A UA-12-89,20% 0, ATM AFTER ANODIZING TO +550 mV

\\ WUA-12-89, 20% O, ATM AFTER REANODIZATION AT + 450 mV

-0.5 ~
\\
™~
N..
~ LO.C +86mV
-0.6 ™~ 50
SN
™
\\\

-0.7 9~\

. N

N Ao ™~
~ &é‘/y N
NCE »
_0_8 LG A
\\
~
~
~
\\
-0.9 ~
TR
-1.0
10!

2 5 108 2 5 103 2 5 10? 2 5 10°
CURRENT {uamp) (4.25 cm?)

Fig. 22. Cathodic Polarization of Alloy in 1N HpS0,
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" ‘ ‘ ‘ \ ‘ ’ l ‘
- @

EXPERIMENT UA-12-89, {-28-70

SOLUTION A H,S0, .
07 ATMOSPHERE 80 % Ar, 20% O, -

DECREASING POTENTIAL
06 'Y

’P
///”
[ ]
//
Py ]
05 /;_’
L
/‘y”{
04 L LINE FROM FIG 19
B
03
o2
o
10! 2 5 102 2 5 103 2 5 104 2

CURRENT (wamp) {1 25 cm?)

Fig. 23. Anodic Polarization of Alloy in 1IN H,S0,
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PRETREATMENT SHORT ANODIC POLARIZATIONS
AT + 450 mV PRECEEDING AND FOLLOWING NO 1
OTHER-SEE TABLE 3
EXPERIMENT UA-~12-89, 2-2-70
SOLUTION 14 H,50,
N ATMOSPHERE ® 4% H,
\\ © 4% H,
™ ® PURE 0,
™
NN 12 11 0O PURE Ar
7O
8 2\\
N
\\
REE NUMBERS INDICATE ORDER OF
IBARe MEASUREMENTS
~ \
N \
~
~ N |a
e S Py
~ R e
\\\8’?5 10 \\
\\/VCE \\
~ o \
~ N
N .
\_\ 5 \
N~
1oc
10' 2 5 102 ? 5 103 2 5 104 2

CURRENT (gamp) (1 25 cm?)

Fig. 24. Cathodic Polarization of Alloy in 1N H,SO,
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EXPERIMENT UA-13-89, 2-4-70 \ ’ ’ ’ J ’
SOLUTION 14 H,S0, ® 4% H, ATM AIR FILM ON SPECIMEN,
NO PRETREATMENT,I10C —90mV
NUMBERS INDICATE ORDER © 4% H, ATM ANODIC POLARIZATION AT
OF MEASUREMENTS 600 AND 500 mV PRIOR TO NO 12
A 4% H, ATM ANODIC POLARIZATION AT
500 mV PRIOR TO NO 20
A 100% 0, ATM
N
PN N0
\\ \\
N N
L1 \\ N, 29
N 7
o \A31
N 12 21-22
017 - 20 A
N N 23
Ne8 N A
N
165 }\ N2 a24
(o2
| :/\ \\ 9 \\
U- REFERENCE {1 N PN 2 25|
~ N
1aa ORI NS
i 10
~ A27
15 h \\~~ [
S A28
5 10° 2 5 10! 2 5 102 2 5 103 2 5 104

CURRENT (namp) (1 25 cm?)

Fig. 25a. Cathodic Polarization of Alloy in 1N H3S50,
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il

EXPERIMENT UA-—13-89, 7—4—70

SOLUTION 1AW H,S0,
ATMOSPHERE 4% H,

0
10!

4
/]
V4
/ DECREASING V FROM 600 mV
/ THIS RUN TOOK PLACE BETWEEN
/ MEASUREMENTS NO {9 AND 20, FIG 25a
/]
-008
-—
5 100 2 5 10! 2 5 102 2

CURRENT (gomp) {125 cm?)

Fig. 25b. Anodic Polarization of Alloy in 1IN HyS0,
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EXPERIMENT UA—14-89, 2-12-70
o SOLUTION {4 H,SO,
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-03 e [o) -1
vt 2 ® 0, 100% 0,
~040-=-9 015 9 <
-050-=8 063 2 \20
-06 o \ 19
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N
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N ~\\\
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U-REFERENCE —| \\
~
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-08 \x— == = Q17
NN e
N \\\ \\
N 4
N \ ~
-09 a2 N 16
NUMBERS INDICATE ORDER \
OF MEASUREMENTS N
-4 0 } \\AA 14 5
35N 1IN ’
\\ \\
10
-1 A
10° 2 5 10! 2 5 102 2 5 10° 2 5
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CURRENT (uamp) (4 25 cm?)

Fig. 26. Cathodic Polarization of Alloy in 1N H,S0,
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/ EXPERIMENT: UA—14-89, 2-9-70
lo. SOLUTION: 0.4 M K,S04, pH 9.7
ATMOSPHERE 4% H,
./ SPECIMEN ABRADED
/
ll/
/<\ H,~ OXIDATION
!
A
//
L~
L]
«1.0.C. SAME AS Pt
~~~~~
. LH,0 + H'- REDUCTION
~ X
\\\
~
S
N
NN
~. L H,0-REDUCTION
'\/
210 mvﬁec/ \0.\
| i
1072 5 107! 2 5 10° 2 5 10! 2 5 10

GURRENT (gamp) (1.25 ¢cm?)

Fig. 27. Polarization of Alloy in KpS0, at pH 9.7
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T0C | =2
T Pt 2.4 ’ ‘
26 ]
I~
T2
™
A 22 \\
24 |a3s 34J> 927 \021
Ls !! 206
N
EXPERIMENT: UA-14-89, 2-10-70 \
SOLUTION: O4# KyS0,, pH 9.5 320 a9
AA 4% H2 ATMOSPHERE
8,0 20% 0y ATMOSPHERE {8
033 171\
16
Sy 13
\ﬂf\ 3loe7 ei1,15
™
) 2906 $ let0 12, 14
H,0-REDUCTION 186 mV/dec A‘.‘\ %8 e9 »13
UL 20
2 5 10° 2 5 10! 2 5 102 2 5 10

CURRENT {pamp) (1.25 cm?)

Fig. 28. Reduction of H,0 and O; on Alloy in K580,
at pH 9.5
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T TTTTIT I T TTTTIT I T TTT
LINES 1, 2,3; PRE-ANODIZATION AT 450 mV OR HIGHER
LINE 4, AIR FORMED FILM NO PRE-ANODIZATION
H2mv/d LINE 4a, AFTER ANODIZATION OF NO 4
-o3 O, i LINE 5, FILM FORMED IN O 44/ K,S0, AT pH 9 6. NO ~[[T]
\ N PRE—ANODIZATION
1
-04 <~ \;
N N
\k \\ N
AN \T \\
~ N ~N
-05 [ BN Qg
~ \ \\\2
\~\ \ \\\
N \ N
~ \ ™
~ N
-oe ~ N 12 mv/d N I~
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U-REFERENCE—a [\ [N \:< \§\ N
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~ N \N N
LN \ \\\ Ny
-08 NN N 4 ™. N
AN ) N ~N
\ SITHR ~d N
ENUIRES ™~ 01N HpS04 4% Hyp
09 [N Nk ~ EXR UA-8-89, 1-16-70
- *~ 40 - N
LINENO  EXP DATE  FIG NO ATM ' g (BFJGT ’ng( :SSASN:HDI"Z?T'T%
by et ARty \ CATHODIC POTENTIALS
ol 2 Uatz-gof 1"27T7T0 22 4% H, OR 20% O, L
3 UA-12-89 2-2-70 24 4% H, OR 100% O,
4,40 UA-13-89 2-4-70 250 4% H,
5 UA-14-89 2-12-70 26 4% H,
iy Ll bl ity L1
1ot 2 5 100 2 5 10! 2 5 102 2 5 103 2 5 10%

CURRENT (gamp) (125 cm?)

Fig., 29. Comparison Between H+ Reduction on Alloy in 1N

H>S0, in Several Experiments
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Fig. 30. Illustration of Occurrence and Absence of O,-

Reduction
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N
~
\-
N
~
N
N
I
N
~
N
N
~N
~
\\
—e—F o
N
N Q EXP. UA-8-89, FIG. 15b
N pH 5.8
“ 4 20 % 02 ATM

® FIG, 27 N ANODIZED SPECIMEN
e FIG. 28 -15 TO —1.8V

EXPERIMENT: UA-14-89
SOLUTION: 0.4 # KpS504 , pH 9.5-9.7
ATMOSPHERE : 4% Hj
ABRADED SPECIMEN N

180 mV/dec)\

100 2 5 10! 2 5 102 2 5 103 2 5 104
CURRENT {uamp) {4.25 cm?)

Fig. 31. Comparison Between Data for HyO0-Reduction on Alloy
at pH 5.8 and 9.5 to 9.7
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EXPERIMENT: UA-5-89, 11-21-69 100
SOLUTION: OAM K504, 0.01M KCI, pH 5.8 "
ATMOSPHERE: 20% O 16
05— °2 90 ——A
se
0.4 7
(] He—»
0.3 5
0.2
4¢
[oX] 3# -2
2
0 154014
NUMBERS INDICATE ORDER OF MEASUREMENTS
SEVERAL MEASUREMENTS DID NOT ACHIEVE
STEADY STATE CURRENTS AND ARE NOT SHOWN
-0 L v BETWEEN NOS. 4 AND 5
Loc 15 AND 16
AND O.C.,13 16 AND 17 \ } ‘ ]
02 | VUL T
1072 2 5 107! 2 5 109 2 5 10! 2 5 102

CURRENT {gamp) (1.25cm?)

Fig. 32. Breakthrough Potential for Pitting of Alloy in
K,50,4-KC1
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Fig. 33. Polarization of Alloy in K,80,-KC1l
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Fig. 34. Polarization of Alloy in O.1N HC1
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5 10? 2
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Fig. 35. Polarization of Alloy in 0.1N HC1l
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SOLUTION : 0.1 ¥ HCI OF MEASUREMENTS
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Fig. 36. Polarization of Alloy in 0.1N HC1
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XPERIMENT: UA-19-89 NO. 3, 8-2-70
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Fig. 37. Polarization of Alloy in O.1N HC1




Appendix 1. Review of Thermodynamic Information for
Uranium-Water Systems; Pourbaix Diagrams

Introduction

Thermodynamic information on the uranium-water system which is
presented by Pourbaixl°l is reviewed and discussed in this section.
Some of the information presented by Pourbaix is in the form of the
familar potential-pH diagrams, and I include a review of the diagrams
which is intended to be a brief summary of the types of information
included therein, and of the mechanics of calculating the illustrated
thermodynamic properties. No discussion is given of the thermodynamic
bases for the mechanics of the calculations. Discussions of these

are included in the Atlas.]"l

Summary of information presented in Pourbaix diagrams and of
construction methods

The Pourbaix potential-pH diagrams for a metal and its aqueous
corrosion products in agueous solution present the following informa-~
tion, in the general case, for the equilibrium systems.

A. Lines expressing the conditions of pH and potential under
which the concentrations of two dissolved substances are
equal.

B. ILines which represent the conditions of pH and potential
at which two different solid substances are in equilibrium.

C. Lines representing conditions of pH and potential for which
the solubility of the different solid substances in all the

different dissolved forms have the same value. These lines
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usually pertain to concentrations of 10—6, 10'4, 10'2, and
10° moles of metal per liter. Where only one line is
presented, it refers to a concentration of 10~ 6M.

D. Iines a and b which represent, respectively, the equilibrium
conditions of the reduction of water (or its H' ions) to
gaseous hydrogen and the oxidation of water to gaseous
oxygen when the partial pressure of hydrogen or oxygen is
one atm at 25°C.

The products considered are usually oxides, hydrides, metal ions
and compound ions with oxygen or with oxygen and hydrogen. The diagrams
are not valid when the solution contains substances capable of forming
soluble complexes or insoluble salts with the metal unless these are
specifically considered.

The information used in plotting the lines is obtained by thermo-
dynamic calculations using literature information on standard chemical
potentials of reacting species.* Two types of reactions are recognized
and considered in establishing the diagrams: chemical and electrochemical.

A chemical reaction is defined as one in which only neutral
molecules and positively or negatively charged ions take part, with

the exclusion of electrons. For example,

Fe(s) + 20" (aq) == Fe' (ag) + H,(g) (1)

*Lists of standard chemical potentials are included in the Pourbaix
Atlas (ref. 1.1).
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In the general case, we write,

VA + V2B + cove = UsC + VD + .... (2)
where v1, Uz.....are stoichiometric numbers, and A, B, C, D are
chemical species. The equilibrium conditions for a chemical reaction

are obtained by applying the equations,

£u log (M) = log K, (3)
and
e
log K = -2 —553 (4)

where K is the equilibrium constant for the reaction, (M) is the
activity of a species taking part in the reaction, and v represents
stolichiometric numbers. The sign of v is negative when the species
is on the left-hand side of the reaction as written (e.g., reaction 2).
It 1s positive when the species is on the right hand side. yo is the
standard chemical potential of the species.

To illustrate the use of Egs. (3) and (4), consider the
reaction,

Fe(OH),(s) = Fe'?(aq) + 2 OH (aq) (5)

For this reaction,

log K = log (Fe*?) + 2 log (oH™)™" (6)
log K = log (Fe'™@) (OH™)? (1)
and
R ° 42 2,4° - _°
sy’ . K re 4 B onm M re(om, (8)
1363 ~ 1363

*Lists of standard chemical potentials are included in the Pourbaix
Atlas (ref 1.1).

*%
The activity of a solid is one. That of water is also one.
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An electrochemical reaction is defined as being a reaction
involving, besides molecules and ions, negative electrons arising
from a metal or other substance by metallic conduction. For example,

OH (aq) + 2¢ = Hy(g), (9)
or in the general case,
V1A + UsB + -=- + ne” = u3C + U4D + =--- (10)
The equilibrium conditions for an electrochemical reaction at 25°¢
are evaluated from the eguation

E° = Eg + __9;9%2}__ Zvlog (M), (11)

where
E° is the equilibrium electrode potential (volt vs SHE),

Eg is the standard electrode potential at 25°C and is given by,

]

o _ Ty
By = 23,0600 (12)

n is the value for the number of electrons taking part in the reaction.
It has a negative sign if the electrons are on the left in the reaction
as written (e.g., reaction 10). The other symbols have the meanings
stated above.

To further illustrate the application of these equations, we
consider below the derivation of three different relationships for
uranium-water. Values of standard chemical potentials (free energies
of formation) needed in the derivations are included in Table 1.1.
These values were taken from Pourbaix's AJc,la:s.l'l

a. Derive expression for conditions of pH and potential giving -
equal solubility of U™ and UOH*? in the equilibrium,

Ut3 + H,0 = UOH™ + H' + e (13)




Table 1.1. List of Standard Chemical Potentials (After Pour’baix)l

Species u’(cal) Name, Color, Crystalline System

H20 (gaseous) -54,635 -

H, (gaseous) 0 -

0, (gaseous) 0 -

H,0 (liquid) -56,690 -

H* (dissolved) 0 -

OH- (dissolved) -37,595 -

€0y (gaseous) -94,260 -

H2C03(dissolved) -149,000 -

UoH"3 (dissolved) -193,500 -

Ut4 (aissolved -138,400 -

Ut? (aissolved) -124,400 -

U032 (dissolved) -236,400 -

U0, (anh) -246,600 Uranium oxide, black oxide, brown-black, cubic or rhomb.

UO3 (anh) -273,000 Uranic oxide, yellow-red, rhomb.

U03°H0 -343,000 Dggngfﬁggg%’g?d uranic oxide, yellow-orange, amorphous

U03-2H,0 -398,840 Dihydrated uranic oxide, yellow-green a f.c. tetrag, f3
orthomb.

Uo -123,000 Uranium monoxide, grey, f.c. cubic

U303 (hyd) -263,200 Hypouranous hydroxide, brown

UH3z -17,700 Uranium hydride, grey-brown, cubic

¢'T
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Using Eq. 11 with reaction 13, we can write

E° = E; + 0.0591[log (UOH'?) - 1og(U*?) - log ()] (1k)

or
3

E° = Eg - 0.0591 pH + 0.0591 log (UOH'3)/(U*") (15)

From Eq. 12,
o o] [
g . B voE THuyts " Mmoo | (16)
o~ 23,060 .

Introducing po values from Table 1.1 in Eg. 16 and substituting in

Eg. 15, we have

E° = - 0.538 - 0.0591 pH + 0.0591 log (UOH*3)/(U*3). (17)
Setting (UOH™3) equal to (U*3) we have,
E° = - 0.538 - 0.0591 pH, (18)

which expresses the conditions of potential and pH at equal solubility
of UOH"? and U'3,
b. Derive expression for the conditions of pH and potential
under which anhydrous U0, and anhydrous UO3 are in equilibrium in
the reaction,
UO, + HyO = U0z + 2H' + 2e- (19)
For this reaction we have, using Eq. 11,

(o] o

E° = Eg - 0.0591 pH. (20)
From Egqn. 12, o o o
H - u - H
Eo _ U033 U0, H,0 . (21)
0 (2) (23,060)

Introducing values for po in Eq. 21, and substituting in Eg. 20, we
have,

E° = 0.656 - 0.0591 pH (22)
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Egn. 22 expresses the conditions under which UO,; and UO3 are in
equilibrium in reaction 19.
c. Determine the expression for solubility of anhydrous UO3
as a function of pH in the reaction,
U0, *2 + H,0 = UO3 + 2HT (23)

From Egs. 3 and 4

W
1363
£ v log () = 2 log (H) - log (U0,%2) = -2pH - log (U0,*2). (25)
. Lu° ) H UO0s - H U02+2 ~H H,0 (26)
1363 1363

Introducing values for po from Table 1.1, we have,
[+]

z LB63 = 14.73. (27)

Combining Egs. 25 and 27 in Eq. 24, we have,

S v log M) = -2 (24)

log (U0,+2) = 14.73 - 2pH (28)
This is the expression for the solubility of anhydrous UQO3 in aqueous
solution as a function of pH. It is interesting to note that the
solubility is about 1 molar at pH 7 and that it increases with decreasing
rH.

Pourbaixl'l and othersl'2’l'3

emphasize that the diagrams
provide thermodynamic information for the systems considered. They
do not provide any information regarding the kinetics of a particular
reaction. Also, importantly, the solid phases which form in the
actual system may differ from the theoretical ones so that the
equilibrium conditions may differ from those predicted. Accordingly,
the behavior of a system cannot be predicted reliably on the basis

of the diagrams alone. Kinetic and structural information is

indispensable for thorough understanding of the system.
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Review of Pourbaix diagrams for uranium

The published Pourbaix diagrams for uranium in agueous solution
are illustrated in Fig. 1.1l. The solid substances considered by Pourbaix
for the Fig. l.la diagrams were U, UO, U,03(hydrous), UOs, U3Og, UOs3(an-
hydrous). Those considered for the Fig. 1.1b diagram were: U, UO,

Uy03 (hydrous), U0y, U30g, UO3°2H,0, UHsj.

In each figure, a dotted line other than line a or b, represents
conditions of equal solubility of the two dissolved species on opposite
sides of the line, The lines labeled O, -2, -4, and -6 show the
conditions under which the sclubility of the different dissolved
substances in all the dissolved forms have the same value of 1, 10'2,
1074, or 107% molar. The lines between two solid phases show the
conditions under which these phases are in equilibrium. The equilibrium
conditions which are represented are listed in Pourbaix's Atlas,l'l
and are identified by the numbers appearing in the diagrams.

The stable equilibria at 25°C of the system uranium-water are
those in Fig. 1l.1b. Uranium hydride is more stable than uranium so
that this compound appears instead of uranium in the stable system.

The dihydrated uranic oxide, UO5:2H50, is the most stable of the three
forms of UOs considered (Table 1.1), and so the U0;*2H,0 appears in
the diagram of the stable system.

Additional thermodynamic information on uranium-water systems

Additional thermodynamic information on the uranium-water systems,
including information on non-equilibrium systems, is presented in

Fig. 1.2 and Table 1.2. The non-equilibrium conditions should generally



file:///aranium-water

1.9

be included in corrosion considerations because they may occur as

transient conditions which may affect the course of corrosion.
Fig. 1.2 illustrates the conditions of potential and pH for

equilibrium between several different pairs of solids. These

conditions were set forth by Pourbaix under the reaction numbers
included in Fig. 1.2.

Table 1.2 has information on the thermodynamic solubilities of
several oxides of uranium. Most of this information was presented

by Pourbaix under the reaction numbers listed in Table 1l.2. I

calculated the solubility of U203 using values for standard chemical
potentials given by Pourbaix.l'l No information on U2 solubility
was gilven.

It should be emphasized that the solubility relationships
pertain to only the reactions listed. In practice, the dissolved
species may undergo other reactions which would lead to precipitation.
For example, the U02+2 formed in solution by reaction 23ae would be
expected to hydrolyze at pH 7 and precipitate as UO3-2H,0. Also, U3
is unstable with respect to Ut% under some conditions of pH and
potential where the Ut% is insoluble (see Figs. l.la and 1.1b).
General conclusion from thermodynamic data for uranium

General conclusion which can be drawn for the thermodynamic
data include the following.

a. Uranium hydride can form by reaction between H,0 and U at
potentials below line 9, Fig. 1.2. The UH3 is not stable with

respect to formation of U0, by reaction HpO0 and UHz until the

potentials are below line 12a, Fig. 1.2.
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Table 1.2 Solubility of Uranium Oxides

Reaction

3H,0 == U(OH)3 + 3 H'
2H,0 = UOp(amh) + 4HT
4Ha0 == U(OH), + 4HT
HoO = yoz(anh) + 3HT
3H,0 += U(OH)4 + 3H'

Nt

1

UO3 (anh) + 2m+
U0, 1H0 + 2H'
U053 *2Hp0 + 2HY

log
log
log
log
log
log
log
log

General Solubility

Relationship
0
Ut?) = 22,94 - 3 pH 1023
(Ut4) = 3.80 - 4 pH 1038
(Ut4) = 9.95 - 4 pH 10995

(UoE™®) = 2.63 - 3 pH 10%.6
(uom*3) = 8.78 - 3 pH 108-8
Wo,*2) = 14.74 - 2 pH  10%47
U0,%2) = 4.97 - 2 pH 10°+0
(U0,%2) = 5.60 - 2 pH 10°+6

Solubility (moles/£) at

PH

10
1077
10_36
10-30
10-28
10-21
10-5-3
10_15
10-14

I calculated the relationship for number (B) from standard chemical potentials

b Dissolved

Numbers z Solid Ion

[ +2 ue] ==

8 +3 U203 (hya) T S Ut 4
2la +4 U0, yHad uts +

e
21b +4 10, (hya)© el Ut +
222 +4 U0z vor4 voHt? 4+
e
22b +4 U0, (hya)= vort2& von" +
23ae +6 U03 (anh) U0,+28 10,%2 4 H,0
23ac +6 UO3 * 1H,0 U0, 28 U0p*2 + 2H,0
23ad +6 UOs Uo, T8 U022 + 3Hy0
a. Calculated from standard chemical potentials in the listed reaction
b. Reaction numbers and equations are those presented by Pourbaixl'
given by Pourbaixl'l.

Ce Hypouranous ion; pink or purple
4. Uranous ilons; green
e, Uranous hydroxide; green
f. Hypouranous hydroixde; brown
g Uranyl ion; yellow

0T°T
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b. Uranium hydride is stable with respect to formation of UOQ at
potentials below line 10, Fig. 1.2; with respect to formation of
hydrous Us03 below line 11, Fig. 1.2.

c. U0, is the stable oxide and is insoluble (< 10'6M) in the
potential-pH domain bounded by lines 12, 22, and 19, Fig. 1l.1b.

d. U0, and other oxides, or U3 can form at potentials well below
lines 12 and 24, Fig. l.1lb, as illustrated in Fig. l.la. However, these
species are unstable with respect to formation of hydride at potentials
below these lines.

e. At potentials above line 19ad (Fig. 1.2) UO, can be oxidized
to UO3°2H,0; above line 19ae (Fig. 1.2) the U0, can be oxidized to
anhydrous UO3.* The anhydrous UO; is soluble (> 107°M) below pH 10.4
while the UO3°2H20 is soluble below pH 5.8; Figs., 1l.la and 1.1b.

Finally it should be repeated that the corrosion behavior of a
metal in aqueous solution cannot be confidently predicted on the sole
basis of thermodynamic considerations. Xinetic and structural infor-
mation on these factors is discussed elsewhere in this report. Experi-~
mental information bearing on these factors was obtained as part of the

present work and is presented elsewhere in this report.

*Formation of UO,+H0 can occur at potentials near those of line 19ad.
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Appendix 2. Summary of Available Experimental Information

*
on Solubilities of Uranium Oxides and Comment

Summary of solubility information
1.1 Anhydrous UOs
U053 reacts with cold water to give UO3°2H,0; at 70-300°C it
reacts with water to form UO3°*H20. (F)
UO3 dissolves in all mineral acids.(K - 1)
U053 dissolves readlly in excess NasCO3; it is especially soluble
when NaHCOs3 is also in solution. (F)
UO3 + NapCO3 + HoO ~— NayU0,(C03)3 + 2NaOH (1)
UOs + NapCOs + 2NaHCO3 — Na,UO,(CO3)3 + Ho0 (2)
1.2 U053°2H,0 and UO4°1H,0
These compounds are very slightly soluble in water.(F) U0s XH,0
is soluble in all mineral acids. (X - 1)
1.3 Anhydrous UOp
1.3.1 Water
U0, is insoluble in water. (F)
1.3.2 Acids
a. HC1l - The oxide is insoluble in concentrated hot or cold

HC1l. Hot fuming HC1l reacts slowly.(X - 2)

*letters in parentheses refer to references at back
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b. HpS80, - U0; is slowly soluble in dilute H,80,. It dissolves
easily in concentrated acid.(X - 1)

c. HNO; - Very dilute HNO3 has no effect other than causing
hydration. UO, 1s easily soluble in concentrated HNO3 or agua
regia. (X - 1)

1.3.3 Hydrogen peroxide and alkalies

Solutions of Hp0p will oxidize U0y to UO,*XH,0.( - 3)

U0, dissolves in solutions of alkalies containing Hz05.(K - 4)
1.4 Hydrous U0z

Freshly prepared UO,°2H;0 is readily soluble in acids but
becomes insoluble upon standing. (K - 5)

1.5 Anhydrous UszOg(F)

a. U30g is insoluble in water and dilute acids.

b. In concentrated acids it dissolves slowly forming a mixture
of uranous and uranyl salts.

c. Concentrated HNO3 or aqua regia readily dissolve U;Og.

1.6 Hydrous U30g(F)

This compound dissolves readily in acids forming a mixture of
uranous and uranyl salts.

It is easily oxidized in air to hydrated UOs3.

Reaction of UO, with O (W)

UO2 in contact with air will absorb oxygen into interstitial
positions. The bulk oxide at room temperature reaches a composition
close to U0z ,g4. Surface layers about 40A thick reach a composition

of U02,25.
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Reaction of U0, with oxygenated water

U0, is slowly oxidized to the tri-oxide by oxygenated water. (F)
Comments on comparisons between experimental and thermodynamic
solubilities of uranium oxides.

The experimental data summarized above indicate that with the
exception of anhydrous UOz and anhydrous UszOg, the solubilities of
the oxides are qualitatively near those predicted from thermodynamic
considerations (Appendix 1).

The apparently low solubilities of anhydrous UOs; and Uz0g in
solutions where they are thermodynamically soluble signifies low

rates of reaction between these oxides and these solutions.*

*
In general, it is not uncommon for anhydrous oxides (high fired

oxides) to be quite unreactive toward solutions. (T)
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Appendix 3. Review of Literature Information on Uranium

Corrosion in Aqueous Environments

Corrosion of uranium in deaerated water and water vapor, 25 to 100°c.
1.1 General characteristics at temperatures of 35 to 100°c.

a. Corrosion is fairly uniform over an exposed surface and rates
are approximately constant with time.3'l

b. Hydrogen gas is evolved at a rate corresponding approximately
to that expected for the reaction,

U+ 2H,0 — UO; + 2Hjp.

However, 2 to 9% of the reacted uranium is in the form of uranium
hydride, UH3-3'2 The oxide has the formulaB'2 UO2.06-

c. The reaction rate is dependent on the pressure of water vapor,
but there is no difference between lOO%)RH* and full immersion.3'2

d. Rate of reaction does not depend upon pressure of Hy up to
at least 6 atm.3'2

e. UH3 is present in the reaction product but does not form from
gas-phase H2.3'2 There is no exchange between hydrogen in the gas and

solid phases.

f. The amount of UHs is reduced at low RiH.

g. The amount of UHs increases slightly with increasing temperature

at 100% RH.

h. The open circult potential of uranium in degassed water at

35°C is about -1.10 V(SCE).-'>

*Relative humidity
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1.2 Corrosion rates

Orma.nB'l reported rates for HNOj-pickled specimens in water which
correspond to 11, 120, 315, and 860 mpy at 35, 65, 80 and 100°C,
respectively. OthersB'4 have reported hydrogen-evolution data for
water-vapor exposure at 25 C (100% RH) and 40°C (43% RH) which
correspond to corrosion rates of 2.2 and 3.9 mpy, respectively.

Ormz—:an'4 found that the rate in water vapor at 100°c depended
upon relative humidity; increasing by a factor of about five with
increase of relative humidity from 10 to 100%.

Corrosion in oxygenated water and water-vapor
2.1 Temperatures of 50 to 100°¢.

The effects of the introduction of air (or the approximately
equivalent amount of oxygen) into the uranium-water vapor system at
temperatures of 50 to 100°C have been summarized3'6 as follows for
RH < 90%. ~*°

a. The rate of oxidation of the uranium is reduced approximately
thirty-fold from that in the oxygen free system.

b. Evolution of Hp is negligible.

c. There is no net consumption of Hy0 during the time that
oxygen remains in the gas phase.

d. The oxygen pressure falls linearly with time until all of
the gas has been consumed whereupon the characteristics of the reaction
become those of the deaerated systems.

When the RH exceeds 90%, the corrosion rate increases, and yellow

oxide occurs together with flaking and evolution of Hy. These effects

are accompanied by deep pitting.3
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Experiments at 100°C in water showed that the oxygen is converted
3.6
into water and does not react directly with the uranium. The yellow

3.6,3.7
oxide formed at 100°C was identified as UO3°0.8 Hp0.  ’

The black oxide which also formed had the composition U02.3.3'7
Uranium hydride formation is apparently very minor.3°7 However, it
has been suggested that small amounts of hydride are formed.3'8
2.2 Temperatures below 50°¢

It is known that addition of 0, to water vapor has the effects of
markedly reducing the corrosion rate and eliminating H,~evolution during

tests of several hundred hours duration. The indicated corrosion

rate in the presence of 0, is 1/20 that in deoxygenated systems.B'4

It is also known that aeration of water reduces the corrosion
rate near room temperature, although it has been suggested that the
corrosion increases after long exposure periods.B'9
Corrosion in water containing CO;

With CO, pressures of .07 to 2 atms., the uranium corrosion and
hydrogen evolution were approximately halved.3'6 There was no change
in the amount of CO; during the reaction, and no CO was formed.

Open circult potentials in oxygenated water

Ward and Waber3°3 found a value of 0.123V (SCE) in aerated
0.1M KC104, PH 7 at 35°C. The potentials at other partial pressures
of oxygen were, 100% 0, 0.143V; 10% 0, 0.113V; and 3% 05, 0.0962.
Since KC10, 1is a more or less inert electrolyte, it is assumed that
these potentials would also prevaill in oxygenated water. The specimens

used in the work of Ward and Waber were abraded in an inert environment.

Also, they were transferred to the cell through an inert environment.
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Crevice corrosion of uranium in aerated water

Waber3°lo mentioned that deep pitting occurred in the crevice
formed by placing a cover glass over the surface of a specimen when
the assembly was exposed in aerated water. The metal near the edge
of the glass was relatively unattacked. The temperature was not
mentioned but was presumably room temperature.
Corrosion in acilds
6.1 Hy50,

Solid uranium is only slowly attacked by deaerated, dilute H,S0,.
The rate in deaerated 0.1 N H,S50, at 100°C is about 90 mpy and less
than that in boiling deaerated water by a factor of about ten.3°ll
The rate in 6 N Hy80, at the boiling point is about the same as that
in boiling water (about 860 mpy).3'12

The reaction rate in the acid can be accelerated by imposing
oxidizing conditions such that the higher oxidation state of uranium,
U-VI, is formed (e.g., by addition of Hy0 to the solution or by
polarizing anodically).3'12—3'14
6.2 HC1

Solid uranium is dissolved by concentrated HCl. The rate and
completeness of dissolution increases with increasing concentration
of acid. U(IV) and U(III) are formed in varying ratios in the HC1;
nearly all U(IV) in 12N, and 20 to 40% U(IV) in 6N. Variable amounts
of the metal are converted into a black precipitate.3'12

WaberB'lO mentioned that 1 to 2N HC1l will dissolve uranium pieces

1/8 in. thick within several hours at room temperature.
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6.3 HNOj
Uranium is partially passivated by HNO3; several months are

required to dissolve 1/8 in. thick pieces in 5N HNO; at room

3.10
temperature.

Uranyl nitrite is formed by the dissol,u.tion.B’lZ_B'l4

Dissolution rates under anodic polarization have been

reported.B']'3’3'144

6.4 HF
Solid uranium is attacked slowly by concentrated HF even at 80

to 90°C. The addition of oxidizing agents such as Hp0p does not

accelerate the reaction appreciably.3'12

6.5 HBr and HI

The reactions of uranium in these acids resemble those in HC1

but are slower.B'12

6.6 HC10,

Dilute HC10, is rather inert toward reaction with uranium.

However, at concentrations above 90% it reacts v:'Lgorously.B'12

Dilute HC10, containing oxidizing agents dissolves uranium smoothly.3'12

Corrosion in alkali solutions
Solutions of alkali metal hydroxide have little effect on uranium
metal. Sodium hydroxide solutions containing H,0, dissolve uranium.
. 3.12
Soluble sodium peruranates are formed.
The corrosion rate in deaerated solutions of KOH and NaOH, pH 13.6

and 13.1, respectively, at 100°C is about the same as that at pH 7.3'11
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Discussion

The experimental results on uranium corrosion in aqueous solutions

reviewed above can be qualitatively explained on the basis of the
electrochemical theory of corrosion as outlined below.

In deaerated water, the uranium corrodes in an active state at
low potentials. The cathodic reaction is reduction of water with
formation of hydrogen gas and hydroxide ions. Hydride formation by
reaction of water and uranium may also be part of the cathodic
reaction (Appendix 1). The anodic reaction is between water and
metal and/or UHs.

A passive film forms at the higher potentials which prevail when
oxygen is present. The cathodic reaction is reduction of oxygen in
this case, and hydrogen evolution does not take place. The pitting
and the hydrogen evolution which were reported for oxygenated water
at 50 and 100°C can be qualitatively explained on the basis of the
pitting model discussed in Appendix 4 with the assumption that U0, is
oxidized to soluble UO3 (Appendix 1) in the oxygenated solutions at
these temperatures. Experimental work at room temperature included
in the text of this report showed that soluble UO; forms from U0z
above the potential at which U0, and UO3 are in equilibrium. This
work also showed that uranium potentials in aerated solutions are
near this equilibrium potential.

The corrosion in acids can be qualitatively interpreted in terms
of the effects of the acids on the corrosion potentials and on the

solubility and/or protective properties of the U0, films. For example,
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the low rate in HS0, would be explained as due to low reactivity of

the protective U0, in H,S80, and to a relatively high corrosion potential
(compared with that in water) brought about by the cathodic reduction
of hydrogen ions. The information on corrosion in HC1l implies that the
protective U0, is disrupted by the acid and that this disruption does
not involve formation of U(VI). The additional fact that anhydrous

UO, is unreactive in HC1l (Appendix 2) suggests that the disruptive
action involves inclusion of chloride ions in the oxide film during
corrosion.

The effects of strong oxidizing agents such as Hy0, (or anodic
polarization) on solubility is very likely that of promoting the
formation of soluble UOs3.

Ward and Waber3'3 interpreted their open-circuit-potential and
film-appearance data in terms of the electrochemical theory. Orman
and co-workers3'6 reported the conclusion that the corrosion of
uranium in aqueous solutions is not electrochemical. I do not see any

sound basis for this conclusion.

*
Uranium is not strongly complexed by chloride ions. See J. J. Katz

and G. T. Seaborg, "The Chemistry of the Actinide Elements," John Wiley
and Sons, New York, 1957, p. 171-194. See also, The Chemical Society,
London, "Stability Constants of Metal-Ion Complexes,'" The Chemical
Soc., Special Publication No. 17, London, 1964, p. 227-278.
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Appendix 4. Review of Experimental and Theoretical
Information on Pitting in Aqueous Solutions

Containing Aggressive Anions

Introduction

Many metals which depend upon a passive layer for corrosion
protection are subject to pitting attack when the solution contains
certain anions; particularly chloride. Other anions e.g., bromide
and ilodide also cause pitting of some me%als. Experimental and
theoretical information on pitting in the presence of chloride is
reviewed below.

Pitting which occurs 1n the absence of aggressive anions is
discussed elsewhere in this report.
Definition of breakdown and pitting potentials

In general, there is a more or less well-defined potential above
which pit growth takes place but below which pit growth cannot be
maintained. This is called the pitting potential.4'l Pit initiation
is also dependent on the electrode potential, and the potential at
which the initiation is observed in a given experiment is called the
breakdown potential. The latter potential is greater than the pitting
potential in all reported work which I have seen.

The breakdown potential is usually less well defined than the
pitting potential, and it has been suggested4'2 that it is a "notional

value" dependent on the time taken in experimentation. However, Wilde

and Williams4'3 have recently reported work with stainless steels and



4.2

other materials in chloride solutions which led them to conclude that
there was a real difference between breakdown and pitting potentials
in their systems. Similar results and conclusions were reported some
years earlier by Pourbaix and Co-workers.4°4

Relationships between pitting and breakdown potentials are
illustrated in Figs. 4.1 and 4.2 for potentiostatic and galvanostatic
measurements, respectively. The illustration in Fig. 4.1 is similar
to those presented by Wilde andPﬁllEmsAB and by Pourbaix et. al.4'4
General characteristics of pit growth under anodic polarization

a. The pitting potential appears to be independent of the size
of the pit and of the current applied to the electrode.4'l

b. The pitting potential usually increases with increasing

concentration of unaggressive anions (e.g., 80,, CrO; , and 1\103'-).4'l

c. Pits may repassivate after a certain stage of g:c'om:h.zhl
d. The pitting potential may depend to a large extent on alloy
- 4.1
composition and temperature.

e. Gas evolution from pits during pit growth has been observed,
and 1t is thought that this gas is hydrogen.4'8 This happens while
the specimen potential at an exposed surface is above the hydrogen

. .o 4.8
evolution potential.
General characteristics of pit initiation (breakdown potentials) under
anodic polarization

The observed breakdown pctential is dependent upon the rate at
which the potential is raised4'5 and also upon the time taken in

4o
experimentation. 2 At low rates of increase of potential the break-

down potential may depend upon the solution composition and upon the
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nature of the metal or alloy, its thermal treatment, and the state
of its surface.4'4’ 4.6

Solution compositional parameters which have been found to affect
this potential include the following:

a. Chloride concentration - The breakdown potential decreases
with increasing concentrations of chloride.4'4’ 4.6

b. Ratio of chloride to unaggressive anions such as sulfate - The
breakdown potential increases as this ratio decreases.4°6

c. Composition of gas atmosphere-Wilde and Williams4'3 in the
work mentioned above found that the breakdown potentials observed with
atmospheres of oxygen, hydrogen, argon and nitrogen were all different.
Qualitative explanations of pit initiation characteristics

Hoaphe2r 45

has recently presented qualitative explanations for
some of the effects of exposure parameters on pit initiation as
summarized below. Earlier explanations of others were reviewed by
Kolotyrkin.4'6

Destruction of protective oxide film by chloride ions occurs with
many different metals. The mechanism by which the chioride affects an
oxide is uncertain; possibly it causes formation of soluble complexes
or causes peptization of the oxide. In any case, the chloride must be
absorbed before it reacts, and the effects of some parameters (e.g.,
potential, rate of increase of potential, chloride concentration, and
ratio of chloride to unaggressive anions) on pit initiation result
from effects on the chloride adsorption.4'2 In some systems, clusters
of several chloride ions are thought to be required to pull out a

cation from the oxide.4'5 In others the chloride is thought to pass
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b5, 46

slowly into the oxide. The effects of exposure time on pit

initiation wunder a given set of conditions are qualitatively explained
in terms of the times required for these processes to occur.4°5

With respect to effects of potential, it 1s expected that anion
adsorption will depend upon the potential difference between the oxide
surface and the solution; increasing positive potential will favor
adsorption of ions.* It may also aid passage of chloride into and
thru the oxide.
Qualitative explanations of pit growth characteristics4'l

When the oxide is penetrated and the solution is in contact with
metal within the pit, the local anodic current increases lmmediately.
Simultaneously, a large potential difference (supported by electrolyte
resistance) develops between the solution at the base of the pit and
that adjacent to an exposed, passive surface. The potential of the
pit solution is the higher; accordingly, the potential difference
between solution and metal at the base of the pit is less than that
on an exposed surface. This means that the corrosion within the pit
can proceed in the active potential region while the exposed surfaces
remain passive. It also means that cathodic processes which require
low potentials such as hydrogen-ion reduction and/or water reduction
can proceed rapidly within the pit at the same time such processes
remain negligible on exposed surfaces.

Reduction of electrode potential (measured at the surface) will

effect a reduction of the net anodic current in the pit by further

*See note at back, p. 4.12.
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reduction of electrode potential in the active corrosion region
within the pit. When this reduction becomes sufficiently great,
the IR drop thru the solution can no longer maintain pit solution at
high potential, and the electrode potential within the pit jumps up
into the passive region prevailing at the surface.

Simultaneously with the onset of pit growth, the solution in the
pit becomes concentrated in anions from the solution. This results
from the fact that hydrogen ions and/or metal ions are products of the
anodic reaction, and that anions must move into the anolyte in order
to maintain electrical neutrality. The restricted geometry of the pit
restricts outward diffusion of electrolytes from the pit solution.

The concentration of electrolytes in the pit solution will increase
with increasing current, and at the same time the solution resistance
will decrease with increasing concentration of electrolytes. The
potential drop through the solution is then affected by two opposing
factors.

Since the solution within the pit is more concentrated in chloride
and hydrogen ions (if the metal ions hydrolyze) than the bulk solution,
it is likely to be more corrosive than the bulk solution.

Quantitative theoretical evaluations of pit growth characteristics
during anodic polarization - Pose;y‘zhl
7.1 Introduction

Poseydhl has reported a theoretical analysis of potentials and
concentrations occurring in a pit during growth under galvanostatic
anodic polarization. An HCl solution was assumed for part of the

analysis, but some effects of adding an indifferent or (passivating)
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anion were also considered. It was assumed that metal ions formed
by corrosion within the pit were hydrolyzed but they did not restrict
the diffusion path thru the pit solution.

His reference pit is shown in Fig. 4.3 which 1s taken from his
report. The figure is largely self-explanatory. It may be noted
that j is the current density at the base of the pit. The total
current per pit is I, and this will be approximately egual to the
total anodic current when there is one pit per specimen. A probe
(Iuggin Capillary) is located at some point adjacent to a passive,
external surface.

Some of Posey's findings for HC1l solutions at 25°C are summarized
below.
7.2 Difference between potentials in solution at base and mouth of pit

Posey's analyses showed that the difference between potentials of
the solutions at the base and at the mouth of the pit increased with
increasing current density but approached a constant value at large J.

His expression for this limiting condition is,

1im
large j [f(- 6) - Pp(o)] = %? In(1l + %g ’ (1)

where $(-§) is the solution potential at the base of pit (volt).
j is current density at base of pit (amp/cm®).

§ is depth of pit (cm).

a is radius of pit mouth (cm)

R is gas constant (1.99 Cal, deg™*, mole™t)

T is absolute temperature (°K)

F is the Faraday constant. (2.306 x 10% Cal, V™1, equiv ')
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Posey expressed the current (and other parameters) in terms of
the dimensionless parameter, S,

B =3a/oF Dy Co (2)
where F has the units (Coulb, equiv‘l), DH i1s the diffusion coefficient
for the hydrogen ion, and C, is the concentration of HC1l in the bulk
solution (moles/cm®). For the case in which §/a = 2, the value of
g(-6) - P(o) is approximately constant at .031 volts for B > 3.7

From these equations, it can be shown that, in general, the
current at which the limiting potential is reached increases in direct
propertion to the value of Co and in inverse proportion to pit radius a.
7.3 Potential difference between solution at probe and at mouth of pit.

Posey found that this potential difference (highest potential at
pit mouth) also increases with increasing current, but that it approaches
a limiting value when the value of 8 is comparable to those at which
the potential difference within the pit approaches a limiting value.

For any likely location of the probe, the potential difference between
the solution at the probe and at the pit mouth may exceed that within
the pit depending upon the exact location of the probe and upon pit
dimensions.

7.4 Concentration of HC1l at base of pit

Posey's analyses showed that the concentration of HC1l at the base
of the pit (z = -6) is given by the expression

c(-8) =co+ @ +5)
_Z_FD—H— Js (3)

*My calcualtion using Posey's expressions



4.8

where C (-§) is the concentration of HCl at the base of the pit
(moles/cm?), and the other symbols have the meanings previously stated.

Using Egn. 2, we can write Egqn. 4,

c (-8) _ T &
o, Sttt @ty B ()
and, also,
L)
C ("6) - (12 * a) T + 1 (5)
Co 2 FD; C, &

Egn. 5 shows that the concentration factor with a given value for
% increases in direct proportion to I and decreases in direct pro-
portion to C, and a.

7.5 Illustrative values of IR drops and HCl concentrations within

model pit

I have listed in Table 4.1 some values of concentrations and IR
drops within the model pit which I have calculated from relationships
presented by Posey.zhl The conditions I have selected for illustration
either equal or exceed those for constant values of [@ (-§) - ¢ (0)].

As noted in this tabulation, the limiting potential drop is reached
at rather modest current densities and IR-drops. However, in practice,
the IR-drops could exceed these values by large factors if the conduc-
tance-path is partially blocked by corrosion products.

In general, the concentration of HC1l at the pit-base is substantially
above that in the bulk solution. For example, at a = .0l cm, -§ = 0.1 cm,
and current density = 5.6 milliam.p/cm2J the concentration of HC1l at the
pit base is .034 molar when the concentration in the bulk solution is

10y molar.
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TABLE 4.1 CONCENTRATIONS OF HC# AND IR DROPS WITHIN
PITS DURING GALVANOSTATIC POLARIZATION;
CAICULATED FROM RELATIgNgHIPS

PRESENTED BY POSEY, ™’

Pit Pit c Net Anodic c
Radius Depth o Current at Base [#(-8)-g(0)] c(-§) c(_5)/cO
Iy of Pit, j

(a)
(cm) (cm) (u molar) (uamp/cm®) (volt) (4 molar)
.01 .01 100 560 .031 660 6.6
.01 .01 100 56,000 .031 56,000 560
.01 .1 100 560 .066 3,400 34
.01 .1 10 56 .066 440 44
.01 .1 10 5,600 .066 34,000 3,400
1 1 100 56 .031 660 6.6
.1 .1 100 5,600 .031 56,000 560
.1 .1 1000 560 .031 6,600 6.6
.1 .1 1000 5,600 .031 57,000 57

For uranium, 1 yax@/cmz = .36 mpy.

a. BSee text.
b. The conditions used for this illustration either equal or exceed the conditions for constant
(8- &) - ¢ (O].

c. Potential drop between solutions at mouth and base of pit.
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7.6 Potential difference between solution and metal at base of pit.

Since a typical characteristic of pitting under anodic polariza- -
tion is a constant potential (at the probe) with wide changes in
current, Posey considered explanations for the failure of the potential
between metal and solution at the pit base to shift into the passive
region with increasing current density. Such a shift would be expected
on the basis of polarization information obtained on exposed surfaces
with some materials that develop passive film with increasing potentials.

Posey's postulated explanation was that the anodic reaction is
dependent upon the HC1l activity; as shown in Egn. 6,

j= X (-8)expa,F AP/RT (6)
where K is a constant and @, is the anodic transfer coefficient. The
other symbols have been defined previously. The anodic reaction of N
some metals, including titanium, apparently obey a relationship of this
type.4'l On the basis of Egns. 6 and 3, Posey showed that A¢ at the
base of the pit approached a low, limiting value as the value of J
increases.

If the cathodic reactions at the pit-base obeys a rate expression
similar in form* to that of Egqn. 6, Posey showed that A¢ would be
expected to be independent of current density. He pointed out that
when this situation occurs within a pit, the potential cannot shift

into the passive regions as long as the current density j is sufficient

*The cathodic reaction of titanium in HC1 in the active region is
apparently of this form.%-1
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to maintain the limiting potential difference between the solution
at the mouth and base of the pit. The electrode potential shifts
into the passive region when the current density, J, diminishes and
no longer maintains the high solution potential at the pit-base.
This reduction in current could result from enlargement of the pit
at constant I, or by a reduction in applied current.

Correspondence between pitting under anodic polarization and on a
freely corroding species.

Wilde and Williams concluded that there is complete correspon-
dence in the systems they studied between pitting susceptibility
determined from electrochemical polarization data and from exposure
data obtained in accelerated chemical tests. However, it is possible
that other metals, e.g., uranium alloys, may behave differently.

With respect to pit growth on a freely corroding specimen, it
should be noted that the cathodic current required to support the
pitting potential must be supplied by cathodic reactions on the
exposed surface. Pit growth may then depend to some extent on
specimen size, and pitting may be impossible with specimen of very

small surface area.4'6
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Note to Section 5

It should be noted that it is difficult to generalize regarding
the relationship between electrode potential and the potential difference
at the oxide solution interface when passivating oxide films are present.
According to Vetter,4°7 the potential difference between the metal and
solution is affected by equilibria at the metal-oxide and oxide-solution
interfaces, and by potential differences across the oxide which are
associated with the restricted movement of cations and/or anions
(0T or OH"). The equilibrium at the metal-oxide interface is between
metal ions and/or electrons in the metal and in the oxide; that at the
oxide-solution interface 1is

= + —_
0 (oxide) + 2H aq = Hgoa B

q
and the potential at the oxide-solution interface is established by this

equilibrium. Hoarzh2 implies that during transient conditions when the
potential is increased rapidly and the film is not at the equilibrium
thickness, the potential at the oxide-solution interface is greater than
the equilibrium value. He proposed that this increase accounts for the
lower break-through potentials which are observed upon rapid increase
of potentials. This would also be a factor leading to increased rates
of film removal at localized sites following the initial removal of
oxide from the su:r‘fa_ce.4°5

With respect to redox reactions at the oxide-solution interface

(e.g., 2H,0 = 4H' + 0, + 4€”) the effective potential difference,

according to Vetter,d“'7 is primarily that between the metal and solution
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(the electrode potential) when the film is a good electronic conductor.
When it is an electrical insulator, the redox reactions do not occur
regardless of potential as long as the passivating film is intact.

The Vetter model for the potential at the solution interface is
not generally accepted by present investigators. However, no other
generally applicable and/or accepted model is available. The picture

regarding redox reactions is thought to be reasonable.
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Fig. 4.3 Schematic Diagram of Simple Model for Pitting of
Metals (taken from Ref. 4.1).






Appendix 5. Review of Some Theoretical and Experimental

Information on the Electrochemistry of Corrosion*

Corrosion Reactions

Corrosion of a metal in an agueous environment involves two
electrochemical reactions, (1) an anodic reaction in which the metal
is oxidized, and (2) a cathodic reaction in which some component of
the solution is reduced by the electrons which are released in the
anodic reaction.

The general formulation of the anodic reaction is,**

M — M 4 ze- (1)
A more realistic formulation for ordinary aqueous corrosion is,
M+ xH,0 — MxH;0%+ ze” (2)
The ions formed in reaction 2 may precipitate to form a stable oxide

and/or hydroxide on the surface and thus stifle further corrosion,

z+ _ 2 +
M. xH,0 Moz,/2 + (x - DH0 + zH aq (3)
A more protective oxide or hydroxide may be formed directly,
+ -
M + zH,0 M (OH)Z + zH aq + ze (L)
or,
M+ ZH,0 — MO+ H o+ oze”. (5)
2 Z ag
2 4 3***

Reactions of types 4 and 5 are favored by higher anodic potentials.

*
Based in large part on information in Ref. 5.1 and 5.2.

*% . . . . 3
Part of this summary of anodic reactions is a condensation of a

summary presented by Hoar, Ref. 5.3.

%
With the convention employed, an increase in electrode potential, A¢,
refers to a change in potential in the anodic (or noble) direction. A
decrease is in the cathodic (or active) direction.
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Another anodic reaction is one in which the cations enter the
solid oxide film directly,

M + 0 — MOz/2 + ze~. (6)

2z
2
This type of reaction must prevail when the metal surface is covered
with an oxide which is impervious to solution and in which only the

anions are mobile.

For U going to U+4, the above reactions become,

U + xHa0 ~—  UxH,0% + 4e-, (2a)
UexHa 0%t — U0p + (x - 2)H,0 + 4H+aq (34)
+ -

U + 4H,0 + U(CH) , + 4H aqf 4e”, (La)
U + 2H,0 — U0y + 4H+aq + e, (54)
U + 20°" — U0, + 4e”. (64)

The cathodic reactions of possible importance in aerated aqueous

solutions include the following,

Oz + 2Hp0 + 2e~ — Hp0, + 20H, (7)
Hy0, + 2 — 20H, (8)
2H + 2¢7 — Ha, (9)
2H,0 + 2 — H, + 20H™, (10)

and, with uranium,
U + 35 + 3¢ — UHs (11)
U0, + 7TH + 7e~ — UHs + 2Hy0 (12)
Reaction 9 represents the reduction of protons to form Hz. The
hydrogen atom is a probable intermediate.
Reaction 10 represents the direct reduction of water to form Hj.

Again the hydrogen atom is a probable intermediate. Thermodynamically,

there is no difference between reactions 9 and 10. However, reduction
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of Ht is usually the more favored reaction due to kinetic factors.
Reduction of H,O is usually encountered at potentials well below the
equilibrium potentials for reaction 10.

Reactions 7 and 8 represent the reduction of O, to form OH™.
Hydrogen peroxide is an intermediate,ﬁ'4 and its reduction may require
lower potentials than needed for reduction of Os. Accordingly, under
some conditions, it is possible for H,0, to accumulate in aerated
solutions in which a metal is corroding. Ward and Wa’ber5°5 found that
accumulation of Hy0, occurred when uranium was exposed in oxygenated
0.1M KC10, at 35°C. The potentials for Op-reduction are normally
above those for H'-reduction.

Reaction 11 and 12 are included in the above list to serve as a
reminder that UH; can form during corrosion of uranium, and that its
formation is a cathodic reaction (See Appendix 1). Again, it should
be noticed that there is no difference, thermodynamically, between
reactions of U(or UO0p) with H'Y and with H,O.

A schematic representation of the corrosion processes when an
oxide film is present is shown in Fig. 5.1. In part, this follows a
representation presented by Draley and Ruther.5'6 These authors
suggested that hydrogen lons may diffuse thru the oxide layer and
undergo reduction at the metal-oxide interface. The hydrogen atoms
formed at this location could lead to formation of hydrogen gas, and/or
metal hydride at the interface. Both of these products could have
adverse effects on the integrity of the oxide film. They considered

it unlikely that hydrogen atoms produced at the oxide-solution

interface would reach the metal-oxide interface.
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Factors Which Affect the Rates of Anodic Reactions

The rate of the anodic (corrosion) process in aqueous solutions
is dependent, basically, upon three factors: (1) the protective
properties of solid films which may form on the metal surface, (2) the
concentrations of any solutes which take part in the dissolution and/or
in the film-building reactions, and (3) the potential differences
between the metal and adjacent solution and between the surface of the
film and adjacent solution. The latter quantities may differ because
of the resistance of the film to passage of ions. In the general case,
the film could have any composition, but the usual protective films
in aqueous solutions are oxides and hydroxides. The term, protective
properties, refers to the properties of: (1) permeability to ions from
the solution, (2) permeability to solution, and (3) ionic and electronic
conductivity of the film. With a freely corroding system, the potential
is that for which the anodic and cathodic rates are equal.

In some cases, the anodic and/or cathodic reactions can be studied
separately using electrical polarization methods.

The types of anodic potential-current relationship which may be
encountered in polarization measurements are illustrated in Fig. 5.2.
The different regions are described more fully below.

Region (1). In this region of low potential, little or no

. . R . *
protective film is formed with some metals for one reason or another.

*Possibly because the solid products of the reaction are porous and/or
permeable to the solution. Also hydride formation may occur and have
a detrimental effect on protective properties of the film.
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The expected current-potential relationship in this region of active

corrosion has the form,*

a ZF
i = i 2_ (AP - AP (13)
1o ‘corr XP ¢ RT ¢ ¢O )
where

ia is the anodic current,

icorr is the corrosion current at open circuit,

AP is the polarized electrode potential (the difference
between potentials of metal and solution),

A¢O is the electrode potential at open circuit (the corrosion
potential),

Z is the charge on the metal ion,

o, is the effective anodic transfer coefficient; values for
this quantity at room temperature are usually in the range
0.5 to 2,

F is thé Faraday constant,

T is the temperature,

R is the gas constant.

Region 2 and 3. With some systems, protective oxide formation
begins and continues above a certain potential as indicated for regions
2 and 3 of Fig. 5.2. The formation of a protective oxide may result
from the occurrence of reactions such as reactions 3 thru 6, above.

If the film is non-conductive and doesn't break down, the current

may remain low as the potential is increased to very high values

*
The general relationship between current and potential,

NP =a + b log i,
where a and b are constant, 1s called a Tafel relationship.
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(several hundred volts) while protective film (barrier layer) continues
to grow at a low rate. This growth is a result of the movement of
anions or cations thru the film under the influence of the applied
potential.

Region 4. This region indicates breakdown of film and pitting due
to the presence of aggressive anions as discussed in Appendix 4.

Region 5, 6, and 7. If electrons can pass thru the oxide, redox
reactions can take place at the oxide-solution interface as the potential
is increased. If the oxide 1s a good conductor of electrons, these
reactions would be expected to occur near the potentials at which they
become thermodynamically possible (see note p. 4.12 of Appendix 4).

The redox reactions which might occur include oxidation of Hy0 and
solutes and oxidation of the protective oxide to a higher oxide. In
the latter case, the higher oxide may be non-protective, or soluble,
and the formation of this oxide would then result in active corrosion
of the metal. This behavior is referred to as overpassivation, and the
potential region is referred to as the transpassive region.

Theoretical and Experimental Information on Kinetics of Reduction of
Hydrogen Ions and Water5'2
3.1 Clean Metal Surfaces
3.1.1 Theoretical Relationships for Charge-Transfer Overvoltage
The theoretical relationship for the cathodic current from

reduction of ions in a single-charge-transfer redox reaction at an

electrode is,

i =-k_C,' exm - (% (af-0)), (1b)
RT
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where k_ is a constant characteristic of the metal, CO' is the
concentration of the oxidized species at the interface between compact
and diffuse double layers on the surface, @, is the cathodic transfer
coefficient, { is the zeta-potential, i.e., the potential across the
diffuse double layer, and the other symbols have the usual meanings.
The value of C,' is related to the concentration of the oxidized

species in the bulk of solution, Co, thru Egn. 15,

-ZsF
t O
C,' = Co exp ( = &) (15)
where Z, is the ionic valence of the oxidized species.

Applying Egns. 14 and 15 to reduction of HY and of H,0, we have,

for H+-reduction,

N = 'Rg n|i]| + RTF m@E) - 2 ¢ 4 const,
% %e % (16)
and for HyO-reduction,

Np = - a§2§ In|i] + § + const (17)

If the solution contains a large excess of inert electrolyte
(supporting electrolyte), the {-potential does not change with change
in pH.* Accordingly, in this case the H,0-reduction current at a
given potential is independent of pH, and H+—reduction current is
directly proportional to (H") in the bulk solution.

Now if the solution is a pure acid or alkaline electrolyte, the
potential does change with change in pH (Eqn. 15), and the expressions
for H'- and HyO0-reductions in these cases which are given by Vetter

are the following,

*The {-potential is dependent on the value of A¢. However, the
variation of {-potential with AP is small if the {-potential is small.
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+
for H -reduction,

A¢ _ _-RT ﬁn[i[ + fidh An (H+) + const, (18) -
ac F F

or -

|i] = const’ (H‘")Q/C exp - ( QETF AP) (19)

and for HpO-reduction

~RT R RT + RT
AP = EZ_F Ln]i| - i?'ﬂn(H ) + ra In K. + const, (20)
.| _ const’ % F
or 1] = zﬁlsag exp - ( =7 AB) (21)

where the ionization constant of water, Kw’ is included in the constant
term. Eqns. 19 and 21 show that in this case the H+-reduction current
at a given potential is directly proportional to about the square root
of (H+), and the HyO-reduction current is inversely proportional to
about the square root of (H').

Theoretical values for @, range between O and 1. Experimental
values are discussed in the following sections.

It is of incidental interest to note that, according to theory,
the concentration of H+ at the interface between the compact and
diffuse double layers is independent of pH in pure acid solution. The
same 1s true for the concentration of cations in basic solution. The
{-potential changes with pH to effect these constant concentrations.
With excess of supporting electrolyte, the (H+) at the inner double
layer is directly proportional to (H') in the bulk solution.

It is also worth remembering that in all but the most concentrated
solutions, the concentration of ions at an interface is probably small

compared with the concentration of water at the interface.
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3.1.2 Experimental Values for a, and for the Order of the
Reduction Reaction (Dependence of Current on pH)

Egns. 16, 17, 18, and 20 can be expressed in terms of the
%
overvoltage, n, as follows,

- + 1 &
n= RT Infi] - RT 4n[H"] - — "¢
Q. F F o

€ + const (164)
c

#t-reduction with excess of supporting electrolyte, { constant

-RT
a. ¥

n = || - %? n[E" ]+ ¢ + constant (174)

H,0-reduction with excess supporting electrolyte, { constant

n= - aiTF Infi| + const (184)
H+-reduction in pure acid, { dependent on pH
~ _RT 2RT -
= - == nlj £
QCF n|i] + T In [0E7] + const (204)

HyO-reduction in pure base, { dependent on pH

The validity of Egns. 16, 17, 18, 20 and/or Egns. 16A, 17A, 18A,
and 20A have been demonstrated with some solutions and metals. It is
noteworthy that Egn. 18A is obeyed by Pb in H,S0,; at concentrations
of 0.1N to 8N. On the other hand, the range of acidities over which
Egn. 18A is applicable may be smaller with other metals and/or acids.
For example, with Ni in HCl, the overvoltage is independent of pH

only in the region 0.0003 to .003 N HCJ_.5'2

The experimental values of a. which are quoted by Vetter5

range from 0.46 to 0.53.

*n = op - op = 0p - %} 2né§il =A0p - 5; fn (HT) with PH2 = 1 atm.
2
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3.1.3 Diffusion Limited Currents

The concentrations of reactants and products at the surface of
an electrode can be affected by limitations on the rates of diffusion
of these species to or from the surface. In particular it is noted
here that the maximum rate at which a solute can be reduced cannot
exceed the rate at which the solute diffuses to the surface. This

diffusion-limited current can be estimated from the expression,

- B2 (22)
where
iy = limiting diffusion current (amp/cm?)
n = number of electrons taking part in the reduction of the species
F = Faraday Constant
C = concentration in the bulk solution of the species undergoing ’
reduction (moles/cm3) .
D = diffusion coefficient of species (cm?/sec)
6 = effective thickness of diffusion layer on specimen surface,

(cm). This thickness will depend upon specimen shape and
upon the amount of agitation of the solution. In experiments
reported in the text, the estimated value of § was about
3 x 1072 cm.
3.2 Oxide Coated Surfaces
The effects of oxides on rates of cathodic reactions is discussed
in Section 4. However, it can be noted here that the results of

5.7, 5.9

experimental work of Meyer showed that the effective values

of o, for both H+—reduction and Op-reduction on Zr are decreased by
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formation of passive film. On the basis of Meyer's theoretical
interpretations, it seems likely that passive film on the other metals
would have similar effects on Q..
Experimental and Theoretical Information on Kinetics of Reduction of
Oxygen
4.1 Clean Metal Surfaces

Theoretical understanding of the kinetics of Op-reduction is not
as complete as that for HY-reduction. Experimentally, the following

relationships have been found for reduction of O, on Ag:

in acid and neutral solutionsﬁ'2
aF
i=-k_ (0p) exp - (——= ) (23)
RT
and in alkaline solutions™ "
+ (l + ac)F
i= - k_ (02)(H ) exp - (—'—RT—— A¢) (2k)

At each pH, the value of o, was 0.5. Egn. 23 was also found with Hg
in acid and neutral solutions.S'2
4.2 Surfaces Coated with Passive Films

Meyer5'r7 studied Op-reduction on Zr in solutions containing 0.1M
NayS50, as the supporting electrolyte. He found that the Tafel slopes
for Op-reduction increased from values of 150-160 mv/decade after a
few hours exposure to values of 240-300 mv/decade after several days
exposure. He also found that the Tafel slopes for reduction of H+
were similarly increased after formation of oxide film.5'9

Meyer5'7 explained these increases in slopes by assuming that

the passive film imposed a second barrier for transfer of electrons

from the metal to the Op. He demonstrated that with this assumption
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the effective values of «, is,

afr Qg
o = 2% (25)
c af + Qg

so that the value of o, is reduced below that for transfer of electrons

at the interface, @ . For example, if @, and ag are both equal to 0.5,

f
the value of @, is 0.25, and the expected Tafel slope is 236 mv/decade.
Others5'lo have noted effects of oxide film on o, and o, and have
offered different explanations which involve the electrical resistivity
of the oxide.
Meyer measured the effects of Op-pressure and pH on the kinetics
of Oz-reduction on Zr in the studies mentioned above.5"7 He found
that the rate of reduction increased with O,-pressure to the powers
of 0.66 to 0.9; however changes in pH had negligible effects.
4.3 Burfaces Coated with Porous Oxide -
The presence of porous oxides on an electrode would undoubtedly
affect the kinetics of a reductlon process on the electrode. In the
simplest case, the reaction would take place only on the bare metal
or on thin oxide at the bases of the pores or crevices. The effective
area of the surface would then be less than the apparent area. Also,
the thickness of the solution-diffusion layer might be increased
depending on the film thickness.
Corrosion Potentials and Currents on a Freely Corroding Specimen
The corrosion potential of a freely corroding specimen is that
at which the rate of the anodic and cathodic processes are equal. .

This potential can be measured directly. It can also be established

in some cases from the results of polarization measurements as

illustrated in Fig. 5.3 where the corrosion potential is that at
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which the anodic and cathodic polarization curves intersect. Also,
the rates of anodic and cathodic processes on the freely corroding
specimen can sometimes be estimated from polarization information.
For example, if the cathodic polarization data form a straight line
plot as illustrated in Fig. 5.3, the cathodic rate at open circuit
(which is the corrosion rate) can be estimated by extrapolating the
straight line to the known open circuit potential. Also, small
current polarization can be used to establish the corrosion rate.5'8
Effects of localized Corrosion on the local Corrosion Potential and
Solution Compositilon.

Iocalized corrosion in regions of restricted access to the bulk
solution* results in local changes of the corrosion potential and of
the solution composition. In particular, when the anodic rate exceeds
the cathodic rate within a restricted region, the electrode potential
will be less than that at exposed surfaces, and also, anions from the
bulk solution will be concentrated in the restricted region. Hydrogen
ions and/or metal ions, which are produced in the anodic reactions,
will also be concentrated within the restricted region. These effects
were discussed in Appendix 4 in connection with a discussion of pitting
corrosion. Additional definitions and explanations which may aid in
understanding the effects of localized corrosion are presented below.

The potential of a solid metal test electrode immersed in solution

is the difference between the potentials of the metal and solution

* —_ . . .
For example, pitting corrosion, crevice corrosion, and stress
corrosion cracking.
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phases as expressed by Egn. 26 and illustrated in Fig. 5.4,

g =4 - b, (26)
The potentials represented by ¢ are the Galvani or inner potentials
of the phases. The Galvani potential is the sum of the potential due
to excess charge and of the surface potential due to oriented dipoles.
The value of A¢ is measured by combining the test electrode system
with a reference electrode and measuring the voltage between them.
Neglecting contact potentials in the lead wire systems and also
neglecting solution-junction potentials, the measured voltage, E, is
the difference between A¢ and A¢R as expressed in Eqn. 27,

E=0p - 20, (27)
where A¢R represents the arbitrarily assigned potential of the
reference electrode. This is zero for the hydrogen electrode,

E = AP (with hydrogen reference). (28)

The set-up which is commonly used to measure the potential of a
specimen-electrode when current flows thru the solution is
illustrated in Fig. 5.4. The current is ionic and it may flow between
the specimen and a counter electrode or between different regions on
the surface of the specimen. A salt-bridge probe is placed adjacent
to the specimen surface so that és appearing in the measurement will
approximate that at the specimen surface. With localized high
corrosion rates, as within a pit or crevice, the probe will not
generally the solution potential within the pit or crevice.

The possible situation for a pit (or crevice) is illustrated
in Fig. 5.5. Assuming a net anodic current within the pit, the

solution potential exceeds that at the surface by the voltage drop
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between pit and surface solutions. Accordingly, the A¢ in the pit
is given by the expression,

&p= (@ - B - 6Py (29)
where ¢m - ¢s represents the electrode potential measured at the
exposed surface, and 6¢IR is the difference between potentials of
surface- and crevice-solutions.

The relative levels of the potentials at different locations
are also illustrated in Fig. 5.5.

Estimates and additional discussions of potential and solution
composition changes in restricted-access-corrosion were presented in

Appendix 4.
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