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FOREWORD

This report covers work through December 31} 1970 on the electro-
.chemistry of titanium in acid solutions and its relation to stress
corrosion cracking. Surface hydrides and~oxi"des~were-found-to-play
a critical role. Embrittlement due to hydrogen absorption occurred
upon prolonged exposure. Straining electrode experiments provided
no indication for strain-induced dissolution rates of sufficient
magnitude to account for the rapid crack velocities observed for
titanium stress corrosion in aqueous solutions. Straining at an
applied potential of -1000 mV (SCE) produced current transients in
the anodic direction which were not observed at less negative poten-
tials.

This report is based on the Ph. D. dissertation of Mr. R. C. May.
Work was performed at The Ohio State University under NASA Grant No.
NGL 36-008-051.
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INTRODUCTION

Stress corrosion cracking (SCC) is a very interesting and extremely
complex subject. It has received much attention in recent years because
it can produce sudden and drastic failures in metal parts that outwardly
appear corrosion free. The phenomenon is an unfortunate but inevitable
outgrowth of the development of stronger and more corrosion resistant
alloys. It is most often associated with alloys that owe their corrosion
resistance" tcTthe presence ~bf protective surface~films." "Titanium has
perhaps the most tenacious and quickly formed protective film, and yet
the most rapid crack propagation velocity, of all the alloys that are
susceptible to SCC.

i
SCC is a difficult subject to study quantitatively. This is because

the critical processes occur inside the metal at the crack tip which is
physically separated from the metal surface and the bulk solution and
thus is inaccessible to normal external measurements. The overall aim
of this investigation was to study, from an electrochemical point of
view, the SCC of titanium alloys in aqueous solutions. Titanium alloys
are susceptible to stress corrosion crack propagation in neutral NaCl
solutions. However, recent experiments have indicated that the solution
at the crack tip is much more acidic. With this information in mind
experiments were conducted to study (l) the basic electrochemical
behavior of titanium in acid chloride solutions and (2) the response of
the metal to dynamic straining in the same environment. The aim of this
second group of experiments was to simulate, as nearly as possible, the
actual conditions which exist at the tip of a crack. One of the foremost
theories proposed to explain the propagation of stress corrosion cracks
is a hydrogen embrittlement theory involving the precipitation of embrit-
tling titanium hydrides inside the metal near the crack tip. Conse-
quently., information concerning the effects of these internal hydrides
is abundant in the literature. On the other hand, the effect of surface
hydrides on the cracking process has been largely ignored. However, an
initial survey of the basic electrochemical literature indicated that
surface hydrides play a critical role in the electrochemistry of titanium
in acid solutions. Therefore, a significant part of the present investi-
gation was devoted to a comprehensive analysis of the effect of surface
films, particularly hydrides, on the electrochemical behavior of titanium
in these solutions. The results of this analysis were quite striking
and are presented in Chapter I.



I. THE ELECTROCHEMICAL BEHAVIOR OF TITANIUM IN ACID SOLUTIONS

1. General Aspects

Titanium is potentially a very reactive metal. The equilibrium
potential for its dissolution to Ti34" ions is -1̂ 50 mV(SCE).1 Yet, the
anodic dissolution of titanium in non-oxidizing solutions occurs in the
potential range of -1+50 to -650 mV(SCE) .2>3>4>12 The fact that dis-
solution does not occur until a driving force of one volt has been
applied implies that the anodic processes are strongly inhibited. Fur-
ther, the maximum current obtained during anodic polarization in the
dissolution potential range is surprisingly small. (icrit ^

or titanium
in'3N H2S04 is 110 |aA/cm

2 while icrit for iron in IN-H2S04 is approxi-
mately 700,000 |j.A/cm2.5'6 These facts strongly suggest that the sur-
face of titanium is covered by soine sort of protective coating even dur-
ing active dissolution at the peak of the polarization curve. This
protective coating could be an oxide, a hydride, or perhaps chemisorbed
oxygen. ' '•': :

Titanium has a high affinity for both hydrogen and oxygen. The
standard electrode potential for the formation of the lowest hydride,
TiH is +hO& mV(SCE). The standard potential for forming the lowest
oxide TiO is - 15̂ 2 mV(SCE). Therefore, both hydrides and oxides are
possible over a very wide range of potential. Thus it is possible to
have a hydride present during anodic polarization eveii in the passive
range and to have an oxide present during cathodic polarization. Two
surface hydrides7 and numerous surface oxides8 have been identified on
titanium. Table 1 shows a list of possible surface reactions involving
these hydrides and oxides and the standard electrode potential for each
reaction. The table was taken largely from Tomashov and Mirolyabov;5

however, the references listed are the actual sources of the thermo-
dynamic data. There is some question as to the free energy of formation
of titanium hydride, TiH2. It has been listed as -20.6 kcal/mole9 and
-10.0 kcal/mole.10 The electrode potentials corresponding to both of
the free energies are listed in the table. In considering reactions of
titanium hydride with other species the value of -20.6 kcal/mole
(E°= +208 mV(SCE)) is used. The last group of reactions listed in the
table, i.e., those for hydride oxidation, indicates the possibility of
hydrides forming on top of oxides and visa versa. Th s phenomenon has
been observed by Russian experimenters as well as in the present investi-
gation. The results will be discussed in more detail later.

Since the films on the titanium surface play such an .important role
in stress corrosion cracking, their characteristics will now be discussed
in detail.



Table 1 - Possible Surface Reactions on Titanium and
their Standard Electrode Potentials

No. Reaction
E°n,V
(SCE)

E°niV
(SHE) Referencft-

Titanium
Dissolution

Hydride
Dissolution

Oxide
Formation

Hydride
Formation

Others

a

b
— c- -- -

d

e

f

g

h

1

j
k

1

B

H

O

P

q
r

•

t
u

V

V

X

y
z

aa

*b

ac

ad

Ti * Tl* + 3e~

Tl + 3C1~ » 3e~

•Ti-+-4Cl--j-TlCl.4_+-.4e~

TIH * Tl* +. H* + 4e"

TiH + Ti* + 2H"1" + 5e"

TiH J Tl* + 1/2 H2 + 3e~

T1H2 *T1* + H2 + 3e~

Tl + HO j T10 + 2H+ + 2e~

2T1 + 3H20 j
 T1
2°3

 + 6H+ + 6e~

3T1 + 5H20 * T1305 + 10H
+ + 10e~

Tl + 3H20 j Ti02 H20 + 4H
+ + 4c~

Tl + 2H 0 j Ti02.+ 4H
+ + 4e~

2T10 + HO * Tl 0 + 2H+ + 2e~
»u*f _ —

2 3 2 •*• 3 5

T12°3 * H2° * 2T1°2 * 2H+ + 2e~

T1203 + 21ljO j 2T102 ' H20 +2H
+ + 2e"

Ti j ti i ji" i T-I ii f\.f* • i r n *̂ "̂*1
. •*• i mole

T1+2H ^ 2e-j TiH,
6Gf -20'6 Sole"

• t 1

ACf -10.0 ĝ

TIH + H20 j T10 + 3H +3e

T1H2 + H20 * TiO + 4H*" +4e"

2T1H + 3H20 j TljOj + SH* + 8e~

2TiHa + 3H20 » T1203 + lOH"*" + lOe"

TiH + 2H20 j T102 + 5H
4" + 5e~

TiH + 3H 0 j T102-H20 + 5H
+ + 5e~

TiH + 2H 0 - TiO + 6H+ + 6e~
' i

TiH + 3H20 * Ti02.H20 + 6H -t- 6e~

0. + 4H* + 4e~ * 2H20

2H* + 2e~ ̂  H2

Cl, + 2e~ -> 2C1~
2-w- * 2+ +

Ti ̂  + HO - TiO + 2H + e

*Calculated by combining data from references 1
Note: The

-1452

-1020

-J30

- 970

- 782

-1232

-1152

-1542

-1482

~-141Z

-1142.

-1315

-1362

- 732
- 572
t 130

- 572
±•220

- 333

+ 408

+ 208

- 25

- 892

- 662

-1012

- 802

- 970

- 339

- 808

- 283

+ 983

- 242

+1118

- 140

and 9.

-1210

- 778

- 388

- 730

- 540

- 990

- 910

-1300

-1240

-1170

- 900

-1073

-1120

- 490
- 330
i 130

- 330
i 220

- 91

+ 650

+ 450

+ 217

- 650

- 420

- 770

- 560

- 728

- 97

- 566

- 41

+1230

0

+1360

+ 100

1

13

13

14

14

5

5

1

14

14

1

1

1

1

15

1

14

9

10

14

14

14

14
*

*

*

*

1

1

1

1

potentials listed in the table are standard electrode potentials
and do not depend on the direction of the reaction, e.g., (Ti = Ti3++
3e~ represents the potential at which Ti is in equilibrium with a unit
activity of its ions).



2. Oxides . .

The oxide that exists on the titanium surface depends on the oxida-
tion state of the titanium ions. The ions have the highest valence under
the most oxidizing conditions, i.e., a high temperature or a large posi-
tive potential. The composition of the highest, normally found, oxide
on titanium is Ti02. Hickman and Gulbransen

16 found Ti02 on titanium
exposed to air at temperatures between 300 and 700°C. Yahalom and
Zahavi17 anodized titanium in 0.1M H2S04 at 30°C at a constant current
density of 12.5 mA/cm2. During their galvanostatic treatment the poten-
tial across the titanium rose to a value of about 90 volts. They identi-
fied the oxide that formed as Ti02 with the anatase structure.

Data on the structure of films subjected to more mildly oxidizing
conditions, such as spontaneous passivation in dilute acid solutions or
anodic polarization at low positive potentials, are not abundant in the
literature. It has been shown18 that titanium will spontaneously reform
its passive oxide after the latter has been removed in dilute solutions
of hydrochloric and sulfuric acids (about 5$ or less). When the strengths
of the above acids are about 10$ or more, anodic polarization must be
applied to renew the passivity. Experiments at Ohio State University19

demonstrated the spontaneous repassivation of Ti-8Al-Mo-lV alloy after
abrasion of the surface in IN HC1+0.6N Nad solutions. When the acid
strength was 3N repassivation was not spontaneous.19

Tomashov8 has studied the structure of passive oxide films. Table
2 was taken from his paper and. shows his data as well as the work of
other authors. The literature sources20'24 are his and quote the origi-
nal work. (Reference 20 gives details of the method of removing oxide
films for electron diffraction.) A few of the findings from the table
are extremely noteworthy. First, the film formed in air at room tempera-
ture was not found to be Ti02 but rather TiO with a small amount of
Ti305. (other workers29 also found differences between the air formed
and solution formed films.) Secondly, spontaneous passivation in dilute
solutions of various acids (HC1, H2S04 and HN03) as well as IN solutions
of NaCl and NaOH produced the same oxide: Ti203 • 3-^ Ti02. The author8

also states that this same oxide is formed during anodic polarization of
the above solutions provided that the applied potential does not exceed
1 to 2 volts. This finding implied that there is no fundamental differ-
ence between the process of naturally forming a film at open circuit and
artificially forming it at a positive potential.8 A third important
observation is that the same film was formed in kO%> H2S04 (10.6N) at a
potential just negative [-.05 volt (SHE)] of the potential for complete
passivation as was formed at a potential much more positive [1 volt(SHE)]
than that required for complete passivation. This implies that, at
least in this case, passivation is not the result of a change in composi-
tion of the film but apparently is the result of the film growing to com-
pletely cover the surface. (Or perhaps adsorbed oxygen filling in holes
in the film.)
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3. Hydrides

Hydrides have been observed to form on the surface of titanium in
aqueous solutions by a number of workers. Sanderson and Scully25 found
surface hydrides in aqueous Nad (pH = l) when the metal was plastically
deformed. Ogawa and Watanabe34 identified surface hydrides after a
brief immersion in hydrofloric acid. Tomashov5 found hydrides after
cathodic charging in 3N2H4SO . Otsuka

26'27 observed hydrides oh the sur-
face of specimens exposed to hydrochloric acid solutions of varying con-
centrations, from 5% (l.lfN) to 31.1$ (9-9N). In later work, Otsuka7

identified the hydrides by electron diffraction and found that the compo-
sition was a function of the concentration of acid. Specimens immersed
in 15</0 HC1 (U.U2N) for 20 hours were coated by a hydride of composition
TiH. Specimens exposed to 12N HC1 for the same length of time formed
hydrides of composition TiH2. Both hydrides were found to be fee struc-
ture with the lattice constant varying with the hydrogen content from

for TiH to >..i*6A for TiH2.

When a specimen coated with a hydride was abraded with emery paper
the film was found to be "much harder and more glossy" than the titanium
substrate.27 The film was also found to be tightly bound to the titanium
in that it was difficult to abrade it off.27 The presence of the hydride
film can easily be recognized by immersing a coated specimen in hydro-
floric acid. When this is done the hydride layer turns a black color.5'27

When a hydride is formed in a very strong acid (12N HCl)7 or by
prolonged cathodic charging in a weaker acid (5mA/cm2 for 18 hr. in
0.5N H2S04)

5 a noticeable change occurs in the appearance of the metal
surface. The metal surface darkens and assumes a rough, porous appear-
ance. This is thought to be due to the dissolution of the metal (espe-
cially in the strong acid) and to the absorption of a large quantity of
hydrogen.

In a series of corrosion tests Otsuka7 also demonstrated that the
corrosion rate (as measured by weight loss) of titanium specimens in
hydrochloric acid decreased when the hydride was present. Straumanis
and Chen28 found the same tendency in dilute sulfuric acid solutions.
These corrosion tests as well as visual observation and physical abrasion
of the hydrided surface7 J8/26 j27 indicate that the hydride layer is a
physically and chemically coherent phase which is tightly bound to the
metal surface . .

Quantitative data on the rate of formation of titanium hydride is
very scarce. Most of the available data has been concerned with the
identification of the hydride phase and consequently long exposure times
have been allowed to provide a layer thick enough to identify. Quite
thick hydrides have been grown under various conditions. For example,
Otsuka7 reported a hydride layer at least l|i thick on a titanium speci-
men left in 6N HCl at room temperature for 8 days. The hydride was
thickest at crevices with a maximum thickness of ?M-« As would be
expected due to the cathodic nature of the hydride formation reaction,



cathodic charging greatly increases the rate of hydride formation. A
hydride layer approximately 2\i thick was grown on a titanium surface in
1 hour in 3N H2S04 when a cathodic current density of 5 mA/cm

2 was
applied.5 Hydrides were also found on a titanium surface after exposure
for only 2 hours in O.UJ Nad during which the metal was cathodically
charged at a current density of 10 mA/cm2.7

Referring "back to Table 1 one can see that hydride formation either
from bare titanium metal or from an oxide, requires the reaction of H+

T.ons. Therefore "the rat̂ f̂~hydr"ld̂ Tormat̂ ion"̂ ĥ uTd̂ incr̂ â e~witĥ the
concentration of the acid. This has been qualitatively observed.7

The only available quantitative data on the rate of growth of
hydrides was reported by Tomashov et al.152 for titanium and a Ti-i*.35Al
alloy in 0.03N H2S04 + 0.5N NagSC^ solutions. Hydrides were formed by
cathodic charging at current densities from 20 to 80 mA/cm2. They
observed a parabolic growth rate for hydrides on both the metal and the
alloy.

To affect the rates of reactions taking place at its surface a
hydride need only be a few angstroms thick. Using the data of Tomashov,5

cited previously, and assuming a parabolic growth rate, it is easily seen
that if a layer 2\i thick was produced by charging for 1 hour in 3N H2S04,
a layer, say 20 A thick would form in a matter of milliseconds. The
same sort of comparison applied to the Ip. thick hydride layer formed under
open circuit conditions in 6N HC1 in 8 days indicates that a thickness of
20 A would require only a few seconds.

Information about the actual hydride formation reactions that will
occur under different conditions can be obtained by referring again to
Table 1. One can see that there are three possible types of reactions
that can produce surface hydrides. One is the reaction of hydrogen ions
with titanium metal to form hydride (reactions q and r). The require-
ments for this type of reaction are a bare titanium surface, hydrogen
ions, and a potential below +̂ QQ mV(SCE). These conditions are met when-
ever titanium is immersed in an acid of sufficient strength to dissolve
the passive film. The second group of reactions are those in which a
hydride forms directly upon reduction of an oxide (reactions s - z).
This type of reaction does not require a bare titanium surface but it
does require a negative potential the magnitude of which varies accord-
ing to the oxide involved. The steady state corrosion potential which
occurs on passive titanium immersed in weak acids is not negative enough
to form hydrides by this mechanism. Therefore, one would expect that
cathodic charging would be required to form hydrides in neutral salts or
weak acid solutions. A final possibility is a reverse dissolution
reaction where a hydride is formed by reduction of titanium ions (reac-
tions d - g). Reactions of this type require a very large negative
potential and .the availability of titanium ions. This would not be
likely on a bare surface even with a large negative applied potential
because the driving force for hydride formation by reactions q or r
would be much larger and hydrides should form by that mechanism. A



reverse dissolution reaction could occur on an oxide surface if a high
concentration of Ti3+ ions were present - perhaps in a crevice.

In.summary, the available information indicates that hydrides should
form quite rapidly whenever titanium is immersed in an acid of sufficient
strength to dissolve the passive film - the specific rate increasing if
the acid is made stronger or a negative potential is applied. The forma-
tion of hydrides in weak solutions where titanium is passive would
require cathodic polarization.

. Data on the properties of titanium hydride are difficult to find.
Otsuka/ states that the hydride layer formed during exposure to hydro-
chloric acid is electrically conductive. This is in contrast to the
oxides which are generally highly nonconductive.174 The difference in
conductivity could be important in explaining reaction rates on oxides
versus hydrides. However, only general comparisons can be made since
the conductivity of an oxide on a metal surface may be quite different
from the conductivity of the same oxide in the bulk phase. This is
especially true if the surface oxide is thin enough so that electron
tunneling effects become significant.

k. Thickness of Surface Films

Oxide films formed on exposure of titanium to air at room tempera-
ture are very thin. Tomashov et al.30 found the air-formed film thick-
ness to be 18.9 A after several days exposure. Other workers31'32 found
thicknesses from 12 A to U5 A. Andreeva33 using an ellipsometric tech-
nique found the oxide thickness immediately after interaction of titanium
with air at room temperature to be 12-16 A thick. After 70 days the
thickness was 50 A. Further growth of the film although very slow still
proceeded. In 5^5 days the film thickness was 80-90 A and after ^ years
it was 250 A.33 (it should be pointed out that this is rather odd film
growth kinetics, very slow at the beginning then increasing with time.)
In Andreeva's investigation the "natural" or air films were measured on
metal substrates that were vacuum deposited. Air was then let into the
system and film thicknesses measured. After the film was formed, if
the system was pumped down again to a pressure of 10"6 to lÔ 7 mm of Hg
a part of the film was desorbed. This indicates that the film consists
of a strongly bound, chemisorbed, layer which is underneath a weakly
bound layer.33 The thickness of the physically adsorbed layer was
of the total film thickness on the titanium. This ratio remained
reasonably constant as the film thickened. Andreeva33 also made measure-
ments on polished specimens. Specimens were polished and kept in air at
room temperature for 180 days during which time changes in the film
thickness were monitored. The film formed after polishing does not
change with time and stays at a value of 15 A to 22 A. (The thickness
of the natural oxide film is not considered.) When specimens are sub-
jected to a vacuum all but 5 A of the film is desorbed. .
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In this same paper measurements of film thicknesses were also made
during exposure to electrolytic solutions. Polished specimens were used
and measurements apply only to changes in thickness over and above the
"natural" film thickness. First, measurements were made at room tempera-
ture in two solutions in which titanium is naturally passive: IN Na2S04
and 0.5N H2S04. Both the open circuit potential and film thickness were
followed as a function of time. In both solutions the film thickened
with time and, as it did so, the potential shifted in the positive direc-
-tion.- — But-the^magnitude_j3f_the jfilm thickness was quite different in
the two solutions, being U times thicker in the acid solutionTOtEef
measurements were made in solutions where the surface oxide was unstable.
In U0$ H2S04 (10.6N) the open circuit potential and the film thickness
were monitored as a function of time. The potential followed the usual
pattern of a gradual decay in the active direction until it reached a
potential where a rapid transition to the active state occurred. The
film thickness on the other hand remained fairly constant until the
critical potential was reached. Then, as the activation process pro-
ceeded, the film thickness increased greatly (from about 30 A to 250 A)
then decreased suddenly as the specimen became completely active. This
same tendency of the film to thicken considerably during the transition
from the passive to the active state was observed when activation was
carried out by cathodic polarization. Cathodic polarization tests were
run in U0$ H2S04 (10.6w) and 20$, HC1 (6N). The polarization was done
potentiostatically and, as the applied potential was shifted from the
open circuit value of about 0 mV(SCE), the film thickness remained
reasonably constant until a potential was reached at which the cathodic
current density began to increase sharply. At this point the film grew
quite rapidly and then dissolved. This film thickening is apparently
associated with the hydration of the oxides or the growth of a hydride
or perhaps with the reduction of higher to lower titanium oxides.43

This latter possibility is not likely since the air formed film was
found, as previously mentioned, to be TiO and, in the above solutions,
higher oxides will not form spontaneously.

Anodic polarization tests were also run. These were conducted
galvanostatically and the potential and film thickness were measured
as a function of the applied anodic current. Tests were run in 10$
(2.2N) H2S04 and 1% (26w) H2S04. The film thicknesses and anodic
potentials both increased as the applied current increased. At any
particular current the film was thicker in the stronger acid.

5. Polarization Behavior of Titanium -
Effect of the Surface Films

There are a large number of papers in the literature which describe
the electrochemistry of titanium in acid solutions.2"4'7>12>35~39 How-
ever, very few of these consider the effect of a surface film, particu-
larly a hydride, on the polarization behavior. Tomashov5 has run a
series of experiments to determine the influence of the hydride on the
anodic polarization behavior of titanium. He compared anodic polariza-
tion curves in 3N H2S04 between specimens pretreated to form a 2[i thick



hydride layer (cathodic charging for 1 hour in above solution at 5
mA/cm2) and untreated specimens. Figure 1 shows the results. The
untreated specimen (curve 1 on the figure) had a maximum current density
almost 2. times greater than the hydride coated specimen (curve 2).
Another specimen was given a prolonged charging treatment (IB hours at
5 mA/cm2 in 0.5N H2S04). It had a hydride layer about 10n thick on the
surface. When it was polarized anodically the maximum current density
was again high, even higher than the untreated specimen (curve 3). Both
of the hydride coated specimens reached the peak of the curve at a
slightly more noble potential than the untreated specimen. Also both
showed a small cathodic loop near the potential for complete passivation.
Tomashov5 explained the lower peak for the coated specimen as an inhi-
bition of the anodic dissolution process by the presence of the hydride.
The high peak obtained after a long charging time was suggested to be
the result of a change in the surface of the specimen due to prolonged
hydrogen absorption. The surface became darker and rougher. Essen-
tially, the actual reaction area became larger and therefore the meas-
ured current was larger.

One can more clearly see what is happening during the polarization
process with a graphical explanation by means of Evans Diagrams. These
schematic diagrams are shown in Figure 2 and present an alternate
explanation of the reduction of the peak current density due to the
hydride. The curves plotted represent not the actual currents that are
measured but the real kinetic curves which give rise to the measured
ones. The anodic currents here are taken to be composed of two reactions
(1) a dissolution reaction which occurs at potentials below the peak and
(2) an oxide formation reaction which occurs at potentials above the peak.
The cathodic currents are assumed to arise from the hydrogen evolution
reaction at all potentials. The measured current is always a net cur-
rent I = Ia - Ic. For example, the plotted curve for case 1, untreated
titanium, can be followed by starting at the corrosion potential where
the cathodic (hydrogen evolution) and anodic (dissolution) currents are
equal (point a) then measuring the difference 1^ - Icl with increasing
potential. The maximum current, I±, is shown on the graph and occurs
at a potential corresponding to the peak of the anodic curve. Curves
IC2 and lag correspond to curve 2 on Figure 1 and depict the situation
when a hydride is formed during relatively short charging times. The
cathodic curve, Ic is shifted to higher currents. This would be true
because the hydrogen evolution reaction goes faster on a hydride sur-
face than it does on a titanium surface. There is evidence that this
may occur in some cases.37'40 It will be discussed in more detail
later. The anodic curve laa is assumed to remain essentially the same
except that the potential for the oxide formation reaction (the peak
of the curve) is shifted slightly in the noble direction. Measuring
the difference 1^ - IC2 in the same way as described above results in
a smaller maximum current, I2, and a shift in the maximum current to
more noble potentials. Also, at potentials slightly above the peak a
situation arises during which the cathodic current I,̂  is larger than
the anodic current lag. This produces the cathodic loop as was observed
in Figure 1.
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During the prolonged charging of a specimen (case 3) the actual
surface area for reaction likely does increase due to the large amount
of hydrogen absorbed, as suggested by Tomashov.5 He found that if the
surface of a specimen which had undergone prolonged charging were rubbed
lightly with aluminum oxide powder the porous hydride was removed and
the polarization curve changed back to curve 2, Figure 1. This can
also be explained graphically. In this case, the cathodic curve is thus
shifted further, to IC3, which represents the combined effect of the
increased kinetics of the hydrogen evolution reaction on the hydride
'surfacê  plus~ the-increase- -in-actual- reaction-area-.—But- the- area -addi=- —
tion will increase the anodic current also. Further, the surface after
prolonged cathodic charging was found to have microcracks.5 This sug-
gests that the kinetics of the dissolution reaction may increase. These
effects are shown on Figure 2 by a large increase in anodic current
(see Ia3) which arises from both an increase in kinetics and an increase
in area. Following the difference Ia3 - IC3 from the new corrosion
potential (point c) one sees that the maximum current, I3, is again
large as in case 1. Following Ia3 - IC3 further to potentials where
the cathodic loop occurs one can see that the magnitude of the net
cathodic current in the loop will be larger than case 2. Reference
back to Figure 1 shows that this occurs. One further observation from
Figure 2 can be made by looking at the corrosion potentials of the three
cases. It can be seen that case 3 has the most noble corrosion potential
(point c), followed by case 2 (point b), followed by case 1 (point a).
This observation is also confirmed by Figure 1. Thus the Evans diagrams
appear to present a very complete explanation of the observed polariza-
tion behavior. .

6. The Dissolution Reaction

Next the three different reactions which combine to give the polari-
zation behavior will be discussed in some detail, particularly in rela-
tion to the effect of the hydride layer. The first reaction is anodic
dissolution. The exact potential at which dissolution occurs depends
upon the specific acid and the pH but it can be stated that in nonoxi-
dizing acids titanium dissolves in the potential range of about -k^Q mV
to -650 mV(SCE). As mentioned previously the standard electrode poten-
tial for the dissolution of titanium to trivalent ions, is -1*4-52 mV(SCE)
and so the over-potential for dissolution is almost 1 volt. One expla-
nation of this inhibition in the dissolution reaction is that the
titanium is coated with a hydride and the dissolution rate of the base
metal is controlled by the dissolution rate of the hydride.

Four possible hydride dissolution reactions will be considered
(see Table l). They are listed below with their respective standard
potentials (taking the pH as 0).

(1) TiH -> Ti3+ + H+ +'ke~ E° = -970 mV(SCE)

(2) T1H2 ->Ti
3+ + 2H+ + 5e"̂  E° =.-782 mV(SCE)
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(3) TIH -» Ti3+ + |H2 + 3e~ E° = -1232 mV(SCE)

TiH2 ->Ti
3+ + H2 + 3e" E° = -1152 mV(SCE)

One would expect that reactions 1 and 2* would be inhibited in
strong acid solutions because they require the production of more H+

ions in a solution already concentrated with protons. This tendency is
confirmed by considering the standard electrode potentials. At a dis-
solution potential of say -500 mV(SCE) there would be a much larger
driving force for reactions 3 and k to occur than for reactions 1 and
2. .Experimental verification of the mechanism of hydride dissolution
was demonstrated in a recent paper by Tomashov, et al.42 In the experi-
ments a hydride layer 5n thick was put on the surface of a titanium
specimen by cathodic charging, at 5 mA/cm2 for 3 hours in ION H2S04.
The hydrided specimen was then held in the same solution at -kk2 mV(SCE)
which is the potential at the peak of the anodic polarization curve.
Another titanium specimen which was not charged to produce a hydride
was also held under identical conditions for comparison. The amount of
corrosion was determined by analysis of the solution by a calorimetric
method using hydrogen perioxide. A calculation was made of the amount
of metal dissolved via Faraday's Law from the measured current flow
during the 3 hour test and this value was compared with the amount of
metal found in solution. It was found that close to 100$ of the current
could be accounted for by the formation of trivalent ions. This indi-
cates that titanium hydride dissolves by reaction 3 or h because if
reaction 1 or 2 occurred then some of the charge passed would be used
for the formation of protons with an accompanying decrease in the con-
centration of titanium in solution. Further, the results for the
untreated specimen were very nearly the same indicating that it also
dissolves as a trivalent ion.

Other very striking results were obtained during the same experi-
ment. First, a calculation of the corrosion penetration distance from
the amount of titanium passed into solution during a 30 hour test indi-
cated that the metal/solution boundary should have moved about 8.3n
which is considerably deeper penetration than the 5|-i thick hydride on
the surface. However, metallographic examination of the specimens after
the test showed that the hydride was still uniform, pore-free and practi-
cally the same thickness as it had been originally I Secondly, no hydro-
gen evolution was observed on the surface of the specimen. This would
indicate that the hydrogen must diffuse into the metal as its concentra-
tion on the surface increases due to dissolution of titanium. The hydro-
gen content of the metal was determined. (The method used was vacuum
extraction at 1000-1200° C and a pressure of 10"6 mm Hg.) The hydrogen
determination was done both after the preliminary cathodic charging and
after the total treatment of charging and anodic dissolution. The amount

^Numbers refer to reactions in the text while letters refer to reactions
in Table 1.



of hydrogen in the metal was found to be nearly the. same in "both cases.
In other words, as the dissolution proceeds the hydride layer merely
moves into the metal.

The dissolution current density during the above tests is rather
low, approximately 250n A/cm2. If a hydride layer is dissolved in a
very strong sulfuric acid solution (25.6N) where the dissolution current
density is approximately 10 times higher, then visible hydrogen evolution
occurs and the hydride phase is dissolved.43

The fact that the dissolution behavior of the hydride coated speci-
men and the untreated titanium were identical is very striking.. It
supports the hypothesis put forth above (Figure 2) that the decrease in
the peak current during polarization with a hydride coated specimen is
likely due to the increase in the rate of the cathodic reaction on the
hydride and not to a change in the dissolution rates. One way to explain
the identical dissolution rates of untreated metal and hydride is to
assume that even the untreated metal has a thin hydride layer on it. As
was discussed previously in the section on hydrides, very short times
(a few seconds) appear to be enough to form in a very thin hydride say
20 A thick. Thus a thin layer could form on untreated titanium after
the specimen has activated while the experimenter is waiting for a steady
state corrosion potential to be reached. The thickness of the hydride
layer could not affect the dissolution rate because the mechanism does
not involve diffusion of titanium through the hydride layer but only
diffusion of hydrogen into the metal, i.e. movement of the hydride phase
into the metal. Therefore, if the rate of diffusion of hydrogen in the
hydride layer is faster than the rate of metal ionization, i.e., if the
metal ionization were rate controlling, then the overall rate of the
dissolution reaction would not depend on the thickness of the hydride.

The hypothesis that a hydride layer controls the dissolution.of
"active" titanium in acid solutions is supported by the work of Sukhotin
and Tungusova.41 They formed a hydride of composition TiH2 by heating
titanium in an atmosphere of hydrogen at 550°C. They then compared the
anodic polarization curves for the hydride and for titanium in 0.2W H2S04
at 95°C and in 2N H2S04 at 25°C. The hydride and the titanium produced
almost identical polarization curves. The authors concluded that pas-
sivation of titanium is due to the formation of a protective oxide on
the surface of an existing hydride layer.

These polarization experiments and the hydride dissolution experi-
ments combined with the rapid rates of hydride formation are a strong
indication that a hydride layer is present in concentrated acid solutions
at all times. However, if this is true it is difficult to explain the

•XThe term "active" means not passive. The quotation marks are used
because there is strong evidence that, as discussed below, titanium
is covered with an oxide film even in concentrated solutions in which
it is not passive.
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lowering of the measured anodic polarization peak observed by Tomashov
in his earlier experiments (Figure 1, curve 2). The question is, why
should the cathodic kinetics be greater on one hydride surface than on
the other. It would seem that the thickness of the layer should not
affect the rate of the cathodic reaction occurring at the surface.
Although this apparent anomaly cannot be resolved with the available
information, it is clear that the hydride layer exerts a profound influ-
ence on the anodic polarization behavior of titanium and, in fact, con-
trols the rate of anodic dissolution.

The dissolution of titanium to trivalent ions has been observed by
many workers. Oliver and Ross45 experimentally measured the redox
potential for the reaction

(5) Ti3* + e-' £ Ti2+ :

and found it to be -22̂ 0 mV(SCE). This fact precludes the oxidation of
titanium to divalent ions. Armstrong et al.37 deduced that titanium
dissolved directly as Ti3+ ions from their experiments in sulphuric
acid solutions at 70°C. Russian workers44 came to the same conclusion
from their experiments in a variety of solutions. Beck46 found the same
result in 6w HC1 solutions. ,

Generally, the rate of dissolution of titanium increases as the con-
centration of acid increases. This is most often reported as an increase
in the current,at the peak of the anodic polarization curve (icrit)- I*1

HC1 solutions, icrit increases with H+ concentration throughout the
entire range from very dilute to highly concentrated solutions.3'7'29}35'47

The corrosion rate, as measured by the amount of metal dissolved in the
solution, is directly proportional to icrit

 and also increases with H+

concentration.7'48'49'50 The same observed increases in icrit and cor-
rosion rate with H+ concentration occur in sulfuric acid solutions up
to about ll-Ofo (10.6N).40'51'52 Above 1*0% (10.6N) H2S04 the rate of dis-
solution is very complex.39J54>55

Several experimenters have measured the order of the dissolution
reaction with respect to H+ concentration. The order is obtained by
plotting values of log icrit versus log [H+] while holding the tempera-
ture, applied potential, and concentrations of other species constant.
A straight line should result; the slope is the reaction order. Thomas
and Wobe36 obtained a value of 0.84 in sulfuric acid solutions from
pH = 0.25 to pH = 2.0. Peters and Myers56 measured a value of 0.77 in
much stronger sulfuric acid solutions (1, 5, and ION). Both the above
studies were conducted at room temperature. Armstrong et al.37 stated
that the dissolution rate was approximately first order with respect to
H+ ions for their experiments in sulfuric acid at 70°C. They varied the
concentration over a range from approximately 10$ (2.2N) to 6h% (20N).
However their results may be dubious since, as mentioned above, the
mechanism of dissolution is thought to change in concentrated sulfuric
acid above about 40$.33'53 The reaction order-was not calculated by any
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of the workers studying hydrochloric acid solutions. However, the data
from two papers were in a form in which this' calculation could be made
and this was done. Using data from Levy and Sklover35 an order of 2.82
was calculated for 12$ (2.5N) and 20$ (6N) HC1 solutions at 65°C. Data
from Brynza et al.47 gave a value of 1.65 for HC1 solutions from 5$
(1.4W) to 20$ (6N) at 80°C. The reaction order with respect to H+ ions
is thus higher in hydrochloric than in sulfuric acid solutions.

The most noteworthy aspect of the above discussion about the dis-
""solution rea~ction~is~that~it"appears-to-be-control-led-by--tyhe-di-ssolut-i-on-
of a titanium hydride. The standard electrode potential for the hydride
dissolution according to reaction 3 or reaction k is -1232 mV(.SCE) or
-1152 mV(SCE), respectively. Although these potentials are more noble
than the standard potential of dissolution of bare titanium to trivalent
ions [-1U52 mV(SCE)] they are still over one-half volt more negative
than the potentials at which dissolution occurs. Thus the large inhibi-
tion of the anodic dissolution of titantium in acid solutions cannot be
accounted for solely on the basis of a surface hydride. Oxygen bonds
(an oxide or chemisorbed oxygen) must be involved. This is emphasized
by the very small currents measured during dissolution. Thus during
anodic dissolution the hydride layer must be covered by an oxide. Ref-
erence back to Table 1 shows that the equilibrium potentials for the
formation of lower oxides from a hydride surface are below the range of
active dissolution and thus it is certainly possible to have an oxide
covered hydride. The increase in dissolution current as the acid con-
centration increases, as discussed in the previous section, is easily
explained for an oxide covered surface. During dissolution, at the
peak of the anodic polarization curve, the surface is, of course, not .
passive. The oxide present is not the passive oxide but a lower oxide
which is more soluble in the solution. As the acid concentration
increases the oxide becomes increasingly soluble and dissolves slightly
producing a less protected surface and a higher dissolution current.

The hypothesis that a surface oxide is present during the anodic
dissolution of titanium is supported by the behavior of the current as
a function of time when the potential is suddenly increased. When a
metal is in the passive range, a sudden increase in the potential
results in a current spike followed by a gradual decay to a steady
value. This type of behavior is common and has been associated with
the presence of a passiyating surface layer. But for titanium specimens
in 3N H3S04 this same type of behavior occurs in the active dissolution
range as well as in the passive range.5 The only difference is that
the current decays somewhat faster in the active range and the steady
state value is reached more quickly. (It should be noted that even on
a bare metal surface if the potential is suddenly increased the current
will increase sharply then decay due to changes in the charge of the
double layer.62 However this process is very fast and decay times are
measured in milliseconds whereas the decay times in the above processes
are much longer.) Galvanostatic experiments were also run in 3N HPS04.

5

.Here the potential versus time curves are plotted when the current is
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suddenly increased. These results also supported the presence of an
oxide layer during anodic dissolution.5 Suppose an oxide is inhibiting
the corrosion of titanium; then, if the oxide is reduced by cathodic
polarization, the corrosion rates should increase. This has been found
to occur in sulfuric and nitric acid solutions.83*84 It will be dis-
cussed in more detail later.

As a final consideration of the dissolution mechanism another
possibility should be discussed. Namely, that under certain conditions
the process may be a chemical rather than an electrochemical one. This
has been considered by several Russian workers.58'59>6° This came
about when it was discovered that often the dissolution rate as deter-
mined by analysis of the amount of metal in solution was much higher
than that calculated from current flow. Specifically, this was observed
for a Fe + 12-l̂ Cr alloy in 0.1H H2S04 at 90°C.

59 Figure 3 shows the
experimental results. It is seen that the analytically determined cor-
rosion rate is higher than the observed current at all potentials. One
must remember of course that the observed current is a net current and
thus does not always give a true measure of the dissolution current.
This explains the discrepancy at,potentials, near the corrosion potential.
However it does not explain the difference at potentials removed from
the corrosion potential. The difference is particularly striking at
negative potentials where the dissolution rate stays high even though
a large cathodic current is flowing. The authors59 suggested a general
reaction for chemical dissolution of a metal M

(6) M + nH20 ;-» M
n+ + nOH" + n/2 H2

The importance of these results is emphasized when it is remembered
that the dissolution of Fe-Cr alloys is sulfuric acid has long been
tacitly assumed to be electrochemical.

The possible occurrence of a chemical mechanism in the corrosion
of titanium alloys has not been considered in the literature. At
anodic potentials, experimental evidence indicates that dissolution is
electrochemical since the analytically determined corrosion rates cor-
respond very closely to the current flowing. However, chemical pro-
cesses could be associated with increased dissolution at cathodic .
potentials which, as mentioned above, was observed for titanium in
nitric and sulfuric acids.83?84

7. Passivation .

If, during the course of anodic dissolution of titanium in strong
acid solutions, the metal is polarized to a large enough extent then
the rate of dissolution decreases sharply and the metal becomes passive.
This has been associated with the formation of higher oxides which have
limited solubility in the acid (see Table 2). If a hydride is initially
present on the surface then the oxide snould form on top of it.
Tomashov5 has studied the growth of an oxide over a hydride. First,
he formed a 3-5-̂ .0̂ . thick hydride on the titanium surface by cathodic
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charging of the specimen for 1.5 hours in 3N HoS04 at a current density
of 15 mA/cm2. The oxide was then formed in 18% H2S04 + 10% H3P04 at a
temperature of 100°C by applying an anodic current of 10~2 A/cm3 for
8 hours. This anodizing treatment would produce an oxide film about
k\j. thick on a titanium surface without a hydride layer.5 The subse-
quent metallographic examination of the specimen was very interesting.
The thickness of the hydride layer remained the same after the anodizing
treatment. Also, the thickness of the oxide formed on the hydride was
the same as would be formed on unhydrided titanium (within experimental
error). Thus the hydrogen in the hydride is apparently not oxidized
during anodizing and the oxide forms by diffusion of titanium through
the hydride. Also since the oxide layer was as thick on the hydride as
on the titanium, the diffusivity of titanium through the hydride must
be faster than through the oxide so that the rate of oxide growth is
not affected by the hydride. The thickness of the hydride, it should
be recalled, was also observed to remain constant during anodic dissolu-
tion. Thus it appears that once.a hydride forms on the surface it tends
to remain there and dissolution and oxidation reactions must occur on
the hydride surface.

The actual mechanism by which metals become passive is the subject
of much controversy. There are two major theories. One is that pas-
sivity is due to the chemisorption of oxygen or OH~ ions on the metal
surface.64*65 The adsorbate need be only a monolayer or less (if it
adsorbs at active dissolution sites, say kink sites). The adsorbed
atoms affect charge transfer and essentially increase.the over-voltage
needed for metal atoms to dissolve. The small current flowing when
the metal is passive is thus the same as in the active state, i.e. the
dissolution reaction. The steady state then, represents a non-changing,
highly inhibited dissolution rate. The exact mechanism by which the
adsorbed species inhibits dissolution is not completely clear. It has
suggested that the oxygen adatoms affect the dissolution indirectly in
that their presence prohibits the presence of water or anions which
would bring about hydration or dissolution.63

The second theory is the oxide film theory. The oxide film
essentially forms a barrier between the metal and the corrosive environ-
ment. In this theory, the current flowing in the passive region is due
to the formation of more oxide. The only way that metal cations get
into solution is by the dissolution of the oxide which is usually con-
sidered a chemical process. A steady state condition exists when.the
rate of electrochemical film formation is equal to the rate of chemical
film dissolution.

The fact that oxide films have been found and identified on the
surface of titanium in the passive region (see Table 2) would appear,
to be proof that the oxide film theory is the correct passivation
mechanism for titanium. But the presence of an oxide-film at potentials
more noble than the passivation potential does not necessarily prove
that these films were present at a critical potential when passivity .
was incipient. In other words, there is no doubt that oxides are ,
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present in the passive potential range but there is seme doubt as to
whether they are responsible for the initial passivity.

Support for the adsorption theory is found in experiments run by
Tcmashov and Strukov66 in ION HaS04. They showed that an oxide current
equivalent to less than a monolayer of oxygen was required to change
titanium from the active to the passive state. However in these experi-
ments the state of the surface before the application of the passivating
ĉurrent was-not -direct-ly-controlied-.—There-could-have-been-adsorbed
oxygen or even a thin film there already.1"75 As discussed previously,
the large inhibition of the anodic dissolution of titanium in acid
solutions predicts the presence of some sort of partially passivating
layer in the active region.

Reference back to Table 2 shows that the same oxide film was
found at a potential just negative of that for complete passivation as
was found at a potential deep in the passive range. This finding gives
strong support to the oxide film theory of passivation.

It is well known that when the potential of a stable, passive
metal is suddenly increased, the passive current increases sharply then
decays slowly back to the steady value. The two passivity theories
have different explanations for this transient current. In the adsorp-
tion theory, the current flowing at steady state is a real dissolution
current so the current transient represents an increase in dissolution
and a gradual change of the surface to a new state corresponding to the
new applied potential. Since the amount of oxygen adsorbed on the sur-
face is so small the current associated with the removal or addition of
oxygen should be negligible.

In the film theory the metal dissolution rate is independent of
potential. The current transient represents a change in the rate of
the oxide formation. The thickness of the oxide will thus increase
(for a positive potential shift) until it is thick enough so that once
again its formation rate, determined now by the new potential differ-
ence and regulated by diffusion, is equal to the constant chemical
dissolution rate. Thus there should be no new metal ions in solution,
just a thicker oxide. Obviously, the validity of either hypothesis
can be checked by analytically following the dissolution process during
a current transient. An experiment of this nature was carried out by
Novakovskii and Likhachev67 for iron electrodes in 0.1N H2S04 using the
radioactive isotope Fe58 to follow the dissolution. They measured an
increase in the dissolution rate during the current transient. This
increase represented 80-90$ of the current change. This finding refutes
the theory that the film dissolution rate is a constant, independent of
potential. This change in dissolution rate during transient conditions
was also found for passive zinc68*69 and platinum.70 The same results
were found for titanium via a different method by Novakovskii and
Ovcharenko71 in 0.2N HpS04. They monitored changes in film thickness,
using inverse capacitance measurements, at the moment of a potential
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shift. They found that the increase in film thickness could only account
for a fraction of the current transient. They concluded that a large
portion of the current must be used for film dissolution. It must be
pointed out that these findings cannot refute the existence of oxide
films on the surface of passive metals, particularly passive titanium
where films have been identified. They dp give grounds for the asser-
tion that film formation and metal dissolution are similar processes
which occur in parallel on passive electrodes.71 Both processes are
electrochemical and thus both are.affected by changes in potential
according to normal electrochemical kinetics.

The above experiments indicate that the dissolution rate of passive
titanium in a transient situation is changed in a manner predicted by
electrochemical .kinetics. However, other experiments involving measure-
ents of steady state dissolution rates in the passive state indicate

that there are still some unexplained features in the behavior of pas- ,
sive titanium.73 In these experiments the steady state dissolution
rate for titanium in IN HgS04 was determined analytically at potentials
in the passive range. The dissolution rate was found to be almost an
order of magnitude higher than the passive current flow would indicate.
Thus, chemical dissolution processes must be occurring, on passive tita-
nium in the steady state condition. / . .

It appears from the above results that the dissolution of titanium
in the passive range is quite complex involving both electrochemical
and chemical processes. In evaluating the differences care must be
taken to consider all the variables before making conclusions. The
dissolution behavior may vary greatly as experimental conditions are
changed. For example an increase in the acid concentration would be
expected to affect the rate of chemical dissolution much more than the
rate of electrochemical dissolution. .

8. The Hydrogen Reduction Reaction

Cathodic reactions play a vital-role in the corrosion of a metal
in an acid solution. Under open circuit conditions charge neutrality
requires that any anodic reaction must be accompanied by a cathodic
reaction of equal rate. Thus, often the dissolution rate of a metal
may depend on the rate of a cathodic reaction going on at its surface.
Cathodic reactions are particularly important in the titanium system
because the highest susceptibility to stress corrosion cracking occurs
at cathodic potentials and because the main cathodic reaction, hydrogen
ion reduction, may be directly involved in the cracking process.

The reduction of hydrogen ions results in the formation of neutral
hydrogen atoms. These atoms usually combine to form gas molecules
according to the overall reaction

(7) 2H+ + 2e~ -» H2 :.



However, as is proposed in one prominent stress corrosion theory to be
discussed later, the nascent hydrogen may instead enter the lattice and
embrittle the metal.

The hydrogen evolution reaction (equation 7) is one of the most
well-studied of all electrochemical reactions. The kinetics of the
HER on titanium in aqueous solutions have been investigated by a number
of workers. One common experimental measurement is a cathodic polariza-
tion curve. This is a plot of log i versus applied potential. If all _ _
the other reduction reactions except the HER are eliminated (or have
very slow reaction rates) the polarization curve should have a linear
region (see Appendix). The slope of the line in this region is called
the Tafel slope and its value is related to the mechanism of the electro-
chemical reaction.

Most of the available data for the HER reaction on titanium is for
sulfuric acid solutions. Straumanis et al.57 found that the Tafel slope
decreased with increasing acid concentration, from a value of 2^1 mV/
decade in 0.02N H2S04 to 119 mV/decade in ION H2S04. Thomas and Nobe

53

reported a value of 150 mV/decade in IN H2S04 and Artemova
144 a value of

135 mV/decade in 2N HpS04. Both these values agree well with the data
of Straumanis et al. However, other workers found values which did
not fit with the above trend. Andreeva and Kazarin39 reported a value
of 160 mV/decade in 10.6N H2S04 and Petrenko

145 observed a value of
119 mV/decade in 2N H2S04. These differences are probably related to
different surface layers on the titanium. As mentioned previously sur-
face hydrides are formed very rapidly on titanium in sulfuric acid.
Observations7 indicate that, in strong acid solutions say 5N'or greater,
they should form in a matter of seconds. However, in weak acids say IN
it may take much longer. Without more, data on the kinetics of hydride
formation and more complete details on the exact experimental procedures,
it is not possible to be certain of the state of the surface in the
above experiments. A few qualitative correlations can, however, be made.
Straumanis et al.57 indicate that there was not a long delay from the
time when the specimens were put into the solution until tests were
begun. Therefore they probably did not have a surface hydride except
in the strong acid solutions. On the other hand Petrenko145 cathodic-
ally charged his specimens for 1 hour at a current density of 5 ma/cm2

before testing. His surface almost certainly was covered with a hydride
and his value of 119 mV is identical with the observations of Straumanis
et al. in ION solution. Hackerman and Hall38 reported a slope of 15^ mV
in NaCl solutions. This value appears too low for neutral solutions,
however, the authors took extreme care to attain steady state during
their experiments, waiting a matter of days in some cases. Their lower
value could therefore be the result of a hydride. In this connection
Hackerman and Hall38 reported a visible change in the surface condition
after prolonged experiments.

The order of the HER with respect to H4" ions has been reported in
two papers. Kolotyrkin and Petrov146 reported that the reaction rate
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had a first order dependence on proton concentration in acid solutions
(H2S04) and was independent of proton concentration in alkaline solu-
tions. Thomas and Nobe53 obtained a reaction order of 0.6 with respect
to hydrogen ions in IN H2S04 solutions.

A somewhat detailed look at various steps that make up the HER
reaction is appropriate at this time. The overall process (reaction 7)
is thought to .occur by the following steps, written for titanium:

(8) Ti + H1" +'e~ S Ti-

then

(9) Ti-Ĥ g + H+ + e~ 5 Ti + H2 t

or

(10) Ti-H + Ti-H $ 2Ti + H2t

The first reaction is the discharge reaction in which a proton accepts an
electron from the metal and is adsorbed. This reaction always occurs141*147
and is followed by either electrochemical desorption (reaction 9) °r

recombination (reaction 10). The former reaction occurs when a proton
hits a site which already has an adsorbed hydrogen atom on it. Thus it
is favored when the fractional surface coverage 9 is high and when
adsorption bonds are strong so. that lateral movement of adsorbate is
difficult. The :recombination reaction is not electrochemical and occurs
by the reaction of two adsorbed atoms already on the surface. It is
favored when 0 is small and the adsorbed atoms are mobile. On the tita-
nium surface the process is believe'd to occur by reactions 8 and 9 i-e-
discharge followed by electrochemical desorption.53*141 The latter
reaction is thought to be rate controlling53 »141 so that the overall
reaction should result in a large fraction of the surface covered by
adsorbed hydrogen atoms - a condition that would promote the adsorption
of hydrogen into the lattice.

Next, consider the effect of a surface hydride on the HER. To
date there have been no experiments studying the HER on a hydride sur-
face although a few workers37'40 have noted an increase in the rate of
the HER under certain conditions and have suggested a surface hydride
as the reason. Consider a 5N HC1 solution as an example. The composi-
tion of the surface hydride in that solution would be close to TiH.7

This hydride has an fee structure and a density of 0.075 moles/ cm3 com-
pared to 0.09U moles/cm3 for titanium.1/l8 In terms of atoms of titanium
per unit area of surface this difference is not great (about 8$).
Hydrides have been found to be tightly adherent to the titanium surface
and electrically conductive.7 So in considering electrochemical reactions
at its surface the hydride can be thought of as merely a slightly expanded
titanium lattice with hydrogen occupying interstitial positions. There-
fore, the HER mechanism on a TiH surface would be expected to be the
same as on the base metal.



Surface oxides would exert greater influence on the rate of the
HER because they are not good electron conductors. Meyer149?150 and
Posey et al.151 have developed electrode kinetic equations for reduction
reactions occurring on metals covered with a thin oxide film. The
equations involve a dual barrier model149 which assumes that reaction
rates are determined by the charge transfer both across the double layer
and across the film. Thomas and Nobe53 have applied this model to their
study of the HER on titanium in IN H2S04 and found it to be consistent
with their results. !

9« Effect of Temperature

Reaction rates generally increase as the temperature is raised.
According to absolute reaction rate theory the rate of a reaction is
related to the temperature by an equation of the form

(11) rate = A

where A = constant and Q = activation energy.

From this equation, if the logarithm of the rate is plotted versus 1/T
a straight line should be obtained. The activation energy can then be
calculated from the slope. In making plots of this nature care must be
taken to keep all other variables (activities, electrode potentials,
etc.) constant as the temperature is changed.

Consider an electrochemical, anodic dissolution reaction which is
activation controlled. The activation energy is found by plotting log i
versus 1/T, where i is the current density. The activation energy, thus
determined, is

(12). AC* = AG'j' - CtFAcp
6 £L

where AGi; = chemical activation free energy, cal/mole
El

a = transfer coefficient, included term for number of electrons
transferred if the reaction is a multistep one, equiv/mole

F = Faraday constant, 23,060 cal/volt equiv

Acp = the actual potential difference between the metal and the
solution, volts

AGe represents an electrochemical activation energy since it includes
a potential dependent term. For a description of the origin of the
terms see the Appendix. This activation energy reflects the reaction
mechanism. It describes the intrinsic rate of the electron transfer
reaction which occurs across the double layer. The key terms are AG^
which is the activation barrier for a chemical transfer and a, which
describes how the transfer is affected by the potential gradient between
the surface and the solution F is, of course, a constant and Acp can be

25



kept constant by the experimenter. Therefore a change in the electro-
chemical activation energy at constant Acp reflects a change in the
energetics of the electron transfer process. One can note that there
are no concentration terms in the activation energy. Changing the con-
centration of a reactant will of course change the overall rate of the
reaction but should npt affect the intrinsic rate of the transfer pro-
cess. If it does then it has in effect changed the mechanism of the
reaction. It must be remembered that the electrochemical activation
energy AGg is the sum of two terms. In order for the mechanism to:be
identical in two situations each term in the sum must be the .same.

Obviously, the electrochemical activation energy is a very valuable
parameter. It becomes somewhat less useful when one realizes that is
is impossible to quantitatively separate the two terms of equation 12
and evaluate the chemical activation term AĜ . .This is because the
potential difference Acp cannot be measured exactly. Another problem
arises in the experimental determination of AG . As mentioned pre-
viously, when measuring the reaction rate as a function of temperature,
care is taken to keep all other variables constant. But this may not
be possible. For example, although the concentration of a species can
be controlled, its activity coefficient cannot be and may be a function
of temperature. The situation is brightened by two factors. .First,
these temperature dependent terms in the preexponential factor (A in
equation 11) exert much less influence on the current than exponential
temperature terms. Secondly, large discrepancies in the constancy of
the pre-exponential terms should result in a non-linear log i versus
1/T plot. .

Values of the electrochemical activation energy for titanium dis-
solution in the "active" state have been reported in hydrochloric and
sufluric acids. Levy and Sklover35 calculated a value, of 20kcal/mqle
in 6N HC1. The data of Togano et al.49 produced a value of 15 kcal/
mole in the same solution. (This value was calculated by the present
author and there may be some error in the result due to the uncertainty
in taking the data from the published graph.) In 4.7N H2S04 a value of
19.̂  kcal/mole was reported for Ti-6Al-6V-2Sn alloy.52 Griess75

reported a value of 11 kcal/mole for titanium in 0.9M NaCl + 0.1M-HC1.
These values are somewhat higher than activation energies found for
active dissolution of other metals. A value of 6 kcal/mole was reported
for iorn in IN H2S04.

78 Values for nickel were reported between 10 and
11 kcal/mole, independent of the pH.78»79>8° Murata,74 however, mea-
sured a value of 19.5 kcal/mole for nickel wires in IN H2S04 (pH = 0.35).

Values of the activation energy for dissolution in the passive
range appear to be generally lower than in the active range. Togano
et al.49 measured changes in the passive current density of titanium in
hydrochloric acid solutions .at 1500 mV(SCE) in the temperature range
from 35 to 90°C. They obtained values of 2.06 kcal/mole and 2.33 kcal/
mole for 10$ (2.87N) and 20$ (6N). concentrations, respectively. In
30$ (9-5N) HC1 they obtained a discontinuity in the activation energy.
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For temperatures between 35 and 50°C the value was 3-^2 kcal/mole,
while between 50 and 70°C it was 10.2 kcal/mole. For passive iron in
0.15N boric acid + 0.15N sodium borate (pH = 8.3) a value of 3-5 kcal/
mole was reported.77

Consider the anodic dissolution reactions f.or titanium in strong
acid solutions where the metal is not passivei and the activation energy
is on the order of 19 kcal/mole. Although a quantitative mechanism can-
not be deduced from this information, a few observations can be made.
First, an activation energy of this magnitude rules out the possibility
that the dissolution was controlled by transport in the electrolyte.
Transport in the solution would be directly proportional to the diffu-
sivity and its activation energy would be much less than 19 kcal/mole.76

Secondly, if the dissolution is activation controlled then the activa-
tion energy would be described by equation 12. If a particular reaction
is assumed to be occurring then an approximate value of the electro-
chemical term can be calculated and an estimate of the chemical activa-
tion energy determined. For example, assume the reaction is

(k) TiH2 -> Ti3+ + H2 + 3e~

Then, the transfer coefficient can be approximated by the term (l-p)z
where (3 is the symmetry coefficient (see Appendix), usually close to
1/2 and z is the number of electrons in the reaction equal to 2 in this
case. An estimate of Ap can be made from the overpotential at which
the dissolution occurred. In 6W HC1, icrit occurred at a potential of
-1*.50 mV(SCE).35 From Table 1, E° for the above reaction is -1152 mV(SCE),
The overpotential is therefore 700 mV. Equation 12 becomes, using the
value of £Ĝ  from Levy and Sklover,35

AG+ =20,000 s AG+ - (1-1/2)(3)(23,060)(0.7)
\S. ' " ** .

and

£G| s U3,200 cal/mole

=43-2 kcal/mole

So if the dissolution is activation controlled, it must involve a large
chemical activation energy.

Another possible interpretation of the dissolution reaction is that
it is occurring through a surface oxide layer. The presence of some
sort of protective layer on the titanium surface even during anodic dis-
solution is highly likely as discussed previously. If the oxide were
continuous then the reaction rate would likely be. determined by transport
of cations through the film. If the film is thin so that the field
across it is high the equation for the ionic current at point x in the
oxide takes the form81
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(13.) i(x) = exp
a RT

where D = the diffusivity cm
2
/sec

C(x) = the concentration of mobile cations at point x, mole/ cm
3

a = the lattice parameter, cm

A = distance from the stable position for an ion to the maximum
energy position during a jump, cm

V = field strength in the oxide, Volts/cm

But the diffusivity is a function of temperature.,

D = DQ e-^D/
1
^

where Do = a constant, cm
2 /sec .

Qp = activation energy for diffusion, cal/moie

Putting this value for D into equation 13 the current becomes

, . , . zFDf.CCx) Qn-zAW
(15) i(x) = ° e x p - D . . . . . .

. a R T • ' • . - . - . ' .

To see if this equation would fit the available literature on titanium
dissolution rates, values for titanium oxide were substituted. The
only titanium oxide diffusion data available in the literature is for .
the diffusion of iron iri titanium dioxide, Ti02. The values given
were Do = 0.192 cm

2/sec and QD = 55 -^ kcal/mole.82 Therefore, the
diffusion of Fe in the oxide must be assumed to approximate that of
titanium. Ti02 is likely not the oxide present during anodic dissolu-
tion in the "active" range. But a look at the structures of the lower
oxides indicates, that diffusion through them would certainly be no
faster than through Ti02 and may be much slower. (Ti203 has a hexagonal,
corundum type structure; TiO has a face centered cubic structure; TiOa
has a tetragonal structure. ) In making the calculation the oxide was
assumed to be Ti203 and the current then was assumed to be due to the
transport of Ti3* ions across the oxide. All the cations were assumed
to be mobile and their concentration taken as that for Ti3+ in Ti02,
6.25 x 10~2 moles/cm3. This concentration was assumed to be constant
throughout the oxide. The lattice parameter, a, equals 5 x ICT̂ cm.
If the value of activation energy, 20 kcal/mole, measured by Levy and.
Sklover is put into the equation a current of 551 nA/cm2 is obtained
at 35 °C. Their measured current at that temperature was approximately
125 i_iA/cm2 which is the same order of magnitude so that it is feasible
that dissolution occurred through an oxide.
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An estimate of the thickness of oxide which would produce the mea-
sured activation energy can now be made. Assume the field strength V
equals the potential difference &p divided by the film thickness 6.
&p is approximated by the over potential. The overpotential, here would
be the difference between the applied potential [-̂ 50 mV(SEC)] or
standard electrode potential for formation of Ti203 [-1̂ 82 mV(SEC)] or
0.103 volts. The value for A can be taken as approximately 1/2 the
lattice parameter (A = 2.5 x lO'̂ m). Putting these values into the
expression for the measured activation energy from equation 15 (Qn-zAVF)
one obtains an oxide thickness of 5&. Thus, if the dissolution rate is
controlled by transport through an oxide it must be extremely thin.
Further, the value of the current in equation 15 is very sensitive to
oxide thickness. If the film increased to only 10A thick, the current
reduces to a value of 10"11

10. General Anodic Properties - Comparisons

In the preceeding sections the various surface layers that exist
on titanium have been discussed and an attempt has been made to relate
their properties to surface reactions, particularly to the dissolution
reaction. With this information in mind it is now pertinent to compare
the corrosion properties in various acids. Inhibiting effects of
various additions and potential effects will be discussed as well as
the changes which occur when pure titanium is replaced by an alloy.

A comparison of the corrosion behavior between sulfuric and hydro-
chloric acids is particularly interesting since stress corrosion crack-
ing occurs in HC1 but not in H2S04 solutions. In general, the behavior
of titanium in HC1 and H2S04 solutions is very similar. For acid con-

. centrations up to about ION their anodic polarization curves have identi-
cal shapes. The potential ranges over which dissolution and passivation
occur are the same. This is not surprising since the same oxide was
found in each acid (see Table 2). Further similarities are found by
observing the changes when the temperature of acid concentration' is
increased. For both acids an increase in temperature increases the
maximum dissolution current, icrit> ^u* does not change the potential
at which the current peak occurs, Ep.11*35?49 Increases in temperature
and/ or concentration cause a shift in the potential for complete, pas-
sivation, Ecp, in the noble direction for both solutions. T>11>51

Increases in concentration alone tend to shift Ep slightly in the noble
direction in sulfuric acid36?52?56 although the shift was not observed
by one experiment or.51 In hydrochloric acid solutions the shift does
not occur for pure metal7?35 but does occur for alloys.35

In both solutions the steady state corrosion potential, Ecorr,
tends to shift in the active direction as the solution becomes more
aggressive (higher concentration and/ or higher temperature).7?11?47?51

This does not seem to occur if the solution is too dilute. Changing
the pH of HPS04 to 0.35 to 2^0 produced no change in the open circuit
potential.35 Peters and Myers56 found a small shift of Ecorr in the



opposite (noble) direction with increases in acid.concentration in
1-10N H2S04. However, they cathodically polarized their specimen at
-1500 mV(SCE) for 5 minutes before testing. Their shift may be due to
more rapid hydride formation in the more concentrated acid.

The corrosion rates in HC1 are somewhat higher than in H2S04 for
the same normality.7'47'89 In strong solutions of either acid (about
10$ or more)18 the air formed film is not stable and the metal will
activate naturally. However, in 6N H2S04, if a specimen is polarized
at +500 mV(SCE), then the circuit is opened, the passive film will not
dissolve naturally and the corrosion- potential remains at a noble
value.7 A specimen given the same treatment in 6N HC1 will activate
naturally. . .

Some very interesting observations were made by Thomas and Nobe36

when they added 0.5 to 5.8/0 NaCl to a IN H2S04 solution. Although the
NaCl produced no change in Ecorr it. lowered icr^ and produced a cathodic
loop in the passive range. It also.lowered the passive current flow.
Even when the passive film was formed with no Cl" present and the NaCl
subsequently added, the passive current still decreased. Further, they
found that.after anodic polarization they, could activate a specimen by
cathodic polarization in a pure H2S04 solution but not. in a H2S04 and
NaCl solution. Thus when added to a sulfuric acid solution the chloride
ions tend to have a .passivating effect. Levy52 also found that additions
of Cl" to H2S04 facilitated passivation.

It appears, then, that a comparison of the behavior of titanium in
HC1 and H2S04 does not explain why the chloride ion should be. so delete-
rious in causing stress corrosion cracking. The answer may lie in the
fact that polarization tests do not describe any localized effects on
the metal surface. For example, if additions of Cl" to H2S04 solutions
were causing localized attack, the overall current flow could still
easily be lower than a situation where general dissolution was occurring.

The tendency toward localized corrosion in the presence of chloride
ions is supported by observations of pitting in the passive range (at
potentials greater than about 1 volt) during anodic .polarization in
HC135 but not in H2S04

52 solutions. Also, Kolotykin and Strunkin89

observed pitting when an alternating current was applied to HC1 + C12
solutions but observed only an increase in overall corrosion when the
same current was applied to H2S04 + C12 solutions. Owen143 observed
pitting in the Ti-6Al-UV alloy in 5N HC1 solutions whereas the dissolu-
tion of Ti and Ti-Al alloys was found to be uniform in sulfuric acid
solutions.97 „

Kirkin and Zhuk85 studied the corrosion behavior of titanium and
Ti-Al alloys (up to 5$ Al) in acetic acid solutions (0.8̂ N to 1U.3N)
and in nitric acid solutions (0.81N to 12N) at temperatures between
25 and 80°C. They measured anodic polarization curves as well, as con-
ducted weight loss measurements. Analysis of the polarization curves
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showed that titanium was in the passive state in both acids at all con-
centrations and temperatures tested. The corrosion rates were also
very low under all conditions. The corrosion resistance was reduced
slightly when titanium was alloyed with aluminum. This was indicated
by a higher passive current and by a larger weight loss. This passivity
of titanium, even in very concentrated nitric acid solutions, is easy
to understand since nitric acid is very oxidizing and titanium is
generally passive in oxidizing acids.

The corrosion of titanium in reducing acids such as H2S04 and HC1
is easily inhibited. Oxidizing agents such as K2Cr04 inhibit.

90 The
presence of oxygen in the solution often is enough to passivate the
metal. Bubbling gaseous chlorine through the solution will passivate
titanium in 6N NCI at 60°C.89 Salts of other metals are very effective
inhibitors. Schlain and Smatko91 found that ions.of iron, copper, gold,
platinum, mercury, zinc, aluminum, cobalt, and magnesium passivate
titanium in hydrochloric acid.

The mechanism by which these additions inhibit the corrosion is
not completely agreed upon. Uhlig and Geary92 attribute the inhibition
to the saturation of valence forces of the titanium surface by the
adsorption of ions. The ions as they adsorb receive a certain amount
of negative charge from the metal. This leaves the metal surface with
an excess positive charge and a more noble potential. Inhibition by
OH", Cu2+, Fe3+ and 02 is attributed to this effect. Another explana-
tion for the inhibition is that the presence of 02 or a metal salt adds
another reduction reaction to the processes occurring at the surface.
This causes a shift of the potential in the noble direction. If the
resulting potential is above that for formation of a protective layer,
the metal passivates. Further, the potential required to achieve pas-
sivity is much more active for titanium than for most other metals and
so it is very easily passivated in this manner. For example, in IN
H2S04 titanium is completely passive at a potential of about -300 mV(SCE)

52

while iron in the same solution requires a potential of +500 mV(SCE).6

The overall corrosion potential is shifted even further when noble ions
such as Pt4+ are reduced because they plate out on the surface creating
more effective cathodic area and further enhancing the reduction pro-
cesses.

Another interesting inhibitor which has been considered by a number
of workers is Ti4+ ions. Weiman93 found that the weight loss of titanium
specimens decreased when he added Ti4+ ions to sulfuric hydrochloric and
nitric acids of varying strengths and temperatures. He hypothesized
that Ti4+ chemically inhibits the dissolution. Andreeva and Yokovleva94

also found the Ti4+ ions to be inhibiting. They postulated a chemical
equilibrium between Ti4+, in the form of titanyl ions (Ti02+), and the
oxide, Ti02.

r

(16) Ti02 + 2H+ £ Ti0
2+ + H20
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As the oxide dissolves it produces titanyl ions. By the law of mass
action, increasing the concentration of Ti02+ will push the equilibrium
to the left and retard dissolution.94

Tomashov et al. 95 also believe that the Ti4+ ions are present in
the form of titanyl ions. However, they, believe that these ions inhibit
via an electrochemical reaction. . . They postulate that, in the presence
of protons, the ions are electrochemically reduced to trivalent ions
according to the reaction

(17) Ti02+ + 2H+ + e- -» Ti3+ + H20

This reaction shifts the overall corrosion potential in the noble direc-
tion in the same way as discussed above, thus passivating the metal.
Although the standard potential for this reaction is not very high com-
pared to say 02 reduction [-1̂ 2 mV(SCE) versus 988 mV(SCE) respectively],
the solubility of titanyl ions is several orders of magnitude higher
than that of dissolved oxygen.95 Thus, if the concentration of Ti02+

ions is sufficiently large, they can produce quite a large cathodic cur-
rent and be quite effective in shifting the corrosion potential to the
passive region.

Tomashov et al. 95 also found that, in the presence of oxygen, the
dissolution processes were much slower when the volume of solution was
small and .allowed to stagnate without being changed. In this case a
concentration of Ti3+ ions develops from the metal dissolution. These
ions are then postulated to be oxidized by the dissolved 03 to produce
more titanyl ions . 95

(18) Ti3+ + 1/2 02 + H20 -» 2Ti02+ + 2H+

Titanium tends to become active in crevices, even in solutions
where it is normally passive. Ruskol and Klinov®8 studied this phenome-
non in sulfuric acid solutions. They also suggested that Ti4+ ions
were passivating but hypothesized that Ti3+ ions were aggressive and
activated the titanium. They found that the concentration of Ti3+ ion
in the crevice increased as a function of time. At the same time the
dissolved oxygen content decreased. The exact mechanism by which the
trivalent ions activated the titanium was not , elucidated by their data.
However, it was suggested that the Ti3+ ions act as reducing agents
and thus effictively shift the corrosion potential in the active direc-
tion. In other words, in the absence of oxygen the Ti3+ ions are
electrochemically oxidized. This could occur by reversing the direc-
tion of reaction 17.

Ti3+ + H20 -* Ti02+ + 2H+ + e" E° =.-lU2 mV(SCE)'

The equilibrium potential, for this reaction is given by
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fTi0
2+

l
(19) E(volts) = E° - 0.1182 pH + 0.059 log

[Ti34"]

Consider a crevice in which the concentration of trivalent ions has
built up to say 10"*1 moles/liter. Assume the pH is 1.5 and the con-
centration of titanyl ions is low for example, 10~6 moles/liter.
Putting these values into equation 19, the equilibrium potential
becomes -61U mV(SCE). This potential is below the passivation poten-
tial for titanium in sulfuric and hydrochloric acids. Thus, if the
kinetics of the reaction were rapid it could:serve as an effective
means of shifting the corrosion potential into the active dissolution
range.

Although titanium is easily passivated and is usually relatively
inert in acid solutions, a few species cause rapid dissolution when
added to the environment. One of the most interesting of these is
floride compounds. Straumanis and Chen28 found that small additions
of ammonium floride greatly increased the dissolution rate of titanium
in HC1, HeS04, HBr, and HI solutions. Titanium is also very active in
hydrofloric acid. Even dilute solutions of this acid readily dissolve
the metal and they are often used as etchants. The corrosion potential
of titanium in 0.5N HF has been measured to be approximately -1000 mV(SCE)28>55,
an extremely low corrosion potential. It has been suggested72 that
hydrofloric acid dissolves the oxide and the floride ions form complexes
with the metal. An example is

(20) Ti02 + 6HP -» [TiF6]
2" + 2H20 + 2H+

Although titanium dissolves rapidly in floride-containing solutions,
interestingly enough, the floride is the only halogen in which titanium
will not stress corrode. Perhaps the dissolution in HF is not localized
enough to promote cracking.

Other solutions which attack titanium are hot concentrated low-pH
chloride salts (eg. boiling 30$ A1C13 or JCffo CaCl2).

88 Very powerful
oxidizers are corrosive. Examples are red fuming nitric acid86 and
90$ H202. Titanium is pyrophoric in anhydrous RFNA if the N02 content
is high.87 Dry chlorine gas will also attack the metal.88 The addi-
tion of water inhibits the corrosion in both the fuming nitric and the
C12.

Generally, the purpose of adding alloying elements to a pure metal
is to improve its mechanical properties. The corrosion resistance is
usually lowered, especially if the alloying elements promote the for-
mation of a second phase. Aluminum is a common alloying element used
to improve the mechanical properties of titanium. Aluminum additions
lower the corrosion resistance of titanium in nitric acid85 and in
sulfuric acid.97 Strunkin98 et al. found that Ti-5Al-2.5Sn had notably
lower corrosion resistance than the pure metal in hydrochloric acid.
However, they found that the addition of oxidizing agents .(C12 and
K2Cra07) significantly increased the corrosion resistance of the alloy.
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When the oxidizers were available in sufficient amounts the dissolution
rate of the alloy was no greater than the metal. Levy and Sklover35

plotted anodic polarization curves of various alloys in HC1 solutions.
They found the dissolution rates (as measured by icrit) to be higher
for the alloys than the metal. For an a-3 alloy,. Ti-6Al-6V-2Sn, they
found that the dissolution rate increased as the.strength level, and
concurrently, the ratio of alpha phase to beta phase increased. Also
at high positive potentials [greater than 1000 mV(SCE)] the a-0 alloys
were pitted while the pure metal was not. An all beta alloy Ti-13V-llCr-
3A1 did not pit. Similar polarization experiments were run by Levy5-7

in sulfuric acid solutions. These results indicated that the corrosion
rate of the a-& alloy Ti-6Al-6V2Sn was greater than the pure metal.
The same increase in the dissolution rate with increasing strength was
again found for this alloy. The corrosion rate of the £ alloy Ti-13V-
HCr-3Al was not significantly different than the pure metal. As was
mentioned previously, no pitting occurred in the sulfuric acid solu-
tions. However, Peters and Myers56 concluded that there was no signi-
ficant difference in the dissolution behavior between the metal and
its alloys. Their experiments were also run in sulfuric acid. Alloys
tested were Ti-5Al-2.5Sn, Ti-6Al-l*V, Ti-8Al-lMo-lV and Ti-13V-llCr-3Al.

In experiments83 studying the growth of hydrides in 3N H2S04. it
was found that the hydrides were thicker on pure titanium than on .a
Ti-U.35Al alloy. Also the thickness of the hydrides on the alloy was
very uneven showing a great deal of scatter in measured values from
test to test. . ,. ' •'

The effect of applied potential on the dissolution rate of titanium
is very interesting. As has been indicated previously, the highest
dissolution rate occurs at potentials corresponding to the peak of the
anodic polarization curve. However, some very informative observation
were made in experiments in which corrosion rates were measured during
cathodic polarization of titanium and a Ti-U.35Al alloy in 3N H2S04.

83

For the pure titanium, as the cathodic current density, ic, was increased,
from 0.5 mA/cm2 to 2 mA/cm3, the corrosion rate decreased. When ic
was increased further (to a final value of 30 mA/cm2), the corrosion
rate increased. However, even at 30 mA/cm2 the corrosion rate was
lower that it was under the open circuit condition. When the Ti-U.35Al
alloy was tested the corrosion rate was found to increase greatly as
the Cathodic current density increased. When ic was 32 mA/cm? the
corrosion rate was twice as large as it was under open circuit condi-
tions. The corrosion rates were given in the paper as mg/cm2 over a
k-Q hour test period. To compare then with other dissolution rates,
they were converted to current using Faraday's law and assuming dis-
solution to trivalent ions. The values for the alloy were 1̂ 0 |jA/cm2

at ic = 32 mA/cm
2 as opposed to 7P nA/cm2 when ic = 0. These rates : . .

are the same order of magnitude as those reported during dissolution
in the active, anodic range. The same behavior was also found in less
concentrated sulfuric acid solutions, 0.IN and 0.05N H2S04. The pheno-
menon is believed to be due to the reduction of a protective surface
layer.83 This same increase in dissolution rates as the cathodic current



is increased was found for titanium in nitric acid solutions by Karasev
and Stabrovskii." The corrosion rate was determined "by weight loss
measurements. The tests were run in 2, h and 6N HN03 at temperatures
of 20 to 80°C and with cathodic current densities of 200,̂ 00 and
600 mA/cm2. The highest dissolution rates were measured when the
cathodic current was the largest. In a typical example, at 20°C in
4N HN03 as the current was increased from 200 to 400 to 600 mA/cirr"
the dissolution rate increased from 750 to 1580 to 2260 pA/cm'- (con-
verted to current density from gm/m2 hr in the same way as above).
These dissolution rates are an order of magnitude larger than normal
dissolution rates for "active" titanium in acids. For example in
3N H2S04 icrit from polarization data is only 110 nA/cm

2.5 The cathodic
current densities used in this experiment were much larger than those
used in the experiments in sulfuric acid discussed above.83 Apparently
the larger cathodic currents produce a more complete removal of the
protective film. The observation of increasing dissolution rates with
increasing applied cathodic current gives strong support to the hypothe-
sis that there is a protective film on titanium even during "active"
dissolution.
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II. THE STRESS CORROSION CRACKING OF TITANIUM ALLOYS
IN AQUEOUS SOLUTIONS

1. General Aspects .

Stress corrosion cracking is an extremely complex phenomenon. It
occurs in a large number of seemingly unrelated metal-environment systems.
Titanium alloys will crack in such diverse environments as aqueous
chloride solutions^ methanol-chloride solutions, dinitrogen tetroxide,
and certain liquid metals. Even in a particular metal-environment system
the cracking process is very complicated, involving complex interaction
between a stressed surface and a corrosive environment. In the follow-
ing discussion emphasis will be on the stress corrosion of titanium
alloys in aqueous solutions; an attempt will be made to elucidate some
of the critical variables in this process.

The primary concern in studying stress cracking in aqueous solutions
is to prevent failures of titanium equipment in sea water applications.
It should be noted at the outset that, to date, no in-service failures
have been reported in this environment. Indeed it is even difficult to
initiate cracks on unnotched specimens, in the laboratory in, for
example, neutral sodium chloride solutions. For this reason most of the
work in the literature has been concerned with crack propagation rather
than initiation. Thus, in the discussion that follows, unless initia-
tion is specifically alluded to, the term stress corrosion should be
considered as applying to the propagation of existing cracks.

The most common specimen used in titanium stress corrosion testing
is the cantilever beam specimen. This specimen is always notched and
often fatigue cracked before use; The state of stress in a sharp notch
is best expressed by a stress intensity parameter, Kj. This parameter .
takes into account the notch depth and overall specimen dimensions as
well as the applied stress.116 The susceptibility to stress corrosion
in a certain environment is usually reported as Kj/Kair where Kair is
the stress intensity required for fracture, of the specimen in air.
Invariably, the specimen dimensions are such that a state of plain
strain develops. Thus most stress corrosion testing has been done in
a very mechanically aggressive situation. One additional point on
testing methods that should be emphasized is that since the state of
stress is so strong a function of the specimen dimensions rigorous com-
parisons can only be made using identically shaped specimens.

Although cracks are hard to initiate in neutral aqueous solutions,
when one does form it will propagate across the specimen at an extremely
rapid rate. Becklo° has measured crack velocities on the order of
1.5 x 10~2cm/sec for the Ti-8Al-lMo-lV alloy in 0.6M halide solutions.
This rate is several orders of magnitude faster.than crack velocities in
most other systems.101 Indeed, the most difficult feature to account
for in postulating a mechanism for aqueous cracking in the titanium,
system in this very rapid cracking rate. ,
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In room temperature aqueous solutions titanium cracks transgranu-
larly102"104 although intergranular cracking occurs in other environ-
ments..104'106 The transgranular cleavage in aqueous solutions has been
shown to occur on the (10T8) or (1017) planes.102 These planes are
rotated 12 to Ik degrees from the basal plane. The addition of Cl ,
Br or I ions to aqueous solutions at room temperature will cause crack-
ing but no other anions appear to be detrimental.100 Additions of
S04

2~, N03~, or the halide, F inhibit the process while the cation
appears unimportant.100 It has not been established whether the cracks
propagate continuously or discontinuously.

2. Metallurgical Variables

The following list of titanium alloys have been shown to exhibit at
least some degree of susceptibility to stress corrosion cracking in salt
water107*108-110: T1-.3170, Ti-8Mn, Ti-2.5Al-lMo-10Sn-5Zr, Ti-3Al-llCr-
13V, Ti-UAl-ljMn, Ti-5Al-2.5Sn, Ti-6Al-2.5Sn, Ti-6Al-̂ V, Ti-6Al-3Cb-2Sn,
Ti-6Al-lW-lSn, Ti-6Al-4V-2Co, Ti-6Al-6v-2.5Sn, Ti-7Al-2Cb-lTa, T1-7A1-
3Cb (as received and beta annealed), Ti-7Al-3Mo, Ti-7Al-3Cb-2Sn, Ti-8Al-
IMo-lV, and Ti-8Al-3Cb-2Sn.

The following alloys appear to be insensitive to cracking in salt
water: Ti-2Al-*4Mo-UZr, Ti-4Al-3Mo-lV, Ti-5Al-2Sn-2Mo-2V, Ti-6Al-2Mo,
Ti-6Al-2Sn-OMo-lV, Ti-6Al-2Sn-lMo-3V, Ti-6Al-2Cb-lTa-0.8Mo, Ti-6.5Al-
5Zr-lV and Ti-7Al-2.5Mo (as received, beta annealed, and water-quenched;
then 593°C aged for two hours). Note that the all-alpha alloys appear
to be highly susceptible while some .alpha-beta alloys are sensitive and
some are not.

Susceptibility increases as the Al content increases.88,90,IDS,110,111
In Ti-Al alloys the susceptibility was initiated at aluminum contents
between five and six per cent. The addition of 2Cb-lTa to the Ti-Al
alloys raised this value to six-seven per cent Al. The addition of 0.5
to 1.0 per cent Mo to Ti-7Al-2Cb-lTa produced excellent resistance,
while additions of 0.13Si, 0.2Pd and 0.8Mn showed very little improve-
ment in resistance.111 The sensitivity with increased Al is thought to
be because of the formation of Ti3Al.

li:L This compound tends to be
formed by exposures in the temperature range lj80-8l5°C depending on the
aluminum content.

Tin is also detrimental, but to a lesser extent than aluminum:
whereas zirconium, another alpha stabilizer does not appear to be harmful.'
Eutectoid beta stabilizers such as manganese or cobalt increase sensi-
tivity.112

Seagle111 found that Ti-0 alloys showed a transition from resistant
to susceptible between 0.2 and O.h% oxygen. In this case adding 1% Mo
did not help. Adding oxygen to the Ti-6Al-̂ V alloy produced detrimental
effects. When the oxygen content of the alloy was 0.08$ the resistance

: 37



was good but increasing it to 0.18$ produced considerable susceptibility.
In general, as the Al content of Ti-Al alloys increases, the amount of
oxygen that can be tolerated decreases.

Light microscopy did not reveal any significant raicrostructural
changes as the oxygen content was increased from 0.2 to O.Û .111 How-
ever, work by Amateau113 relates the low temperature ductile-to-brittle
transition behavior of Ti-0.25 oxygen to second order twinning within
(1122) twins. . .

The effect of heat treatment is very significant. Many alloys can
easily be made susceptible or not susceptible by varying the heat treat-
ment.88'111'114 Howe114 found that annealing a Ti-8Al-lMo-lV alloy at
1065°C in vacuum for two hours followed by a helium cool in a cold-wall
furnace produced no susceptibility to stress corrosion in 3«5$ Nad;
whereas a one-hour, 1065°C anneal in argon with an air cool followed by.
aging at 65Q°C in argon for two hours and a water quench produced a
very susceptible condition. Seagle111 reported slow cooling from anneal-
ing temperature produced much more susceptibility than fast cooling for
a Ti-7Al-2Cb-lTa alloy. This is thought to be caused by the amount of
time spent in the temperature range where Ti3Al may form. Lane

115 found
the same increase in susceptibility with slow cooling from the beta
temperature range.

Reactive Metals108 has plotted a time-temperature-stress corrosion
relationship for Ti-8Al-Mo-lV similar to the familiar time-temperature
transformation diagrams. This diagram shows that heat treatment above
8430C and below U82°C for two hours with an air cool will prevent sus-
ceptibility. The formation of Ti3Al seems to be a diffusion controlled
phenomenon. Long periods of time in a slightly sensitive temperature
range will produce the same susceptibility as shorter times in a more
highly sensitive temperature range.

3. Electrochemical Aspects . ,

Crack propagation during exposure to salt water can be stopped by
applying a cathodic potential to the specimen.. Feige and Murphy104 found
that an applied voltage of -lOOOmV(SCE) would stop the crack propagation
of a Ti-7Al-2Cb-lTa alloy in sea water. The crack would begin to propa-
gate again shortly after removal of the potential, but could be stopped
again by re-applying it. _Beck̂ °° found that cracks propagating in a
Ti-8Al-2Mo-lV alloy in Br , Cl and I solutions were stopped when poten-
tials of -1000 mV(SCE) or lower were applied. Leckie117 found that an
applied potential of -1500 mV(SCE) prevented a Ti-?Al-2Cb-lTa specimen
in 3% NaCl from breaking for a period of 200 hours. When the cathodic
potential was removed the specimen still did not fail in 100 more hours.
(The applied stress intensity in these tests was high enough that the
specimen should have failed in a very short time).117
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The susceptibility to cracking was also found to be lower within a
range of anodic potentials. Beck100 found that the load required to
initiate cracks in Ti-8-1-1 specimens in .6M KC1 or KBr increased over a
range of anodic potentials. .Feige and Murphy104 also noted an increase
in the load carrying capacity of the Ti-7Al-2Cb-lTa alloy in sea water
at an applied potential of roughly +800 mV(SCE). Chen118 found an
increase in applied load for failure at a potential of +250 mV(SCE) for
Ti-8-1-1 specimens in 3.5$ NaCl.

Experimenters do not agree on the potential at which maximum sus-
ceptibility occurs. The following potentials at which the susceptibility
was a maximum were observed in neutral NaCl solutions: OmV(SCE) for
notched, 0.75 inch (19mm) thick, specimens in 3 point bending,104

OmV(SCE) for 1 inch (25.1«nm) thick117 and +300 mV(SCE) for 0.25 inch
(6.35mm) thick119 fatigue cracked cantilever beam specimens -500 mV(SCE)
for 0.05 inch (1.3-2.3mm) thick notched* tensile specimens,100 -6U2
mV(SCE) for 0.025 inch (.635mm) thick fatigue cracked tensile specimens,118

and -7̂ -2 mV(SCE) for 0.025 inch thick smooth bend specimens.118 From
this information it appears that the discrepancies are related to the
specimen size. Thicker specimens show susceptibility at higher poten-
tials than thinner specimens. While it is not clear why the thicker
specimens should have a more noble susceptible potential than the thin-
ner ones, it is not hard to understand why a difference exists. First,
the state of stress which plays an extremely important role in stress
corrosion is very likely different in the thick specimens than in the
thin ones. The former are most likely in a state of plain strain while
the latter may be in a state of plain stress which is much less aggres-
sive. Secondly, the potential that is applied to the surface of a speci-
men is not the potential that exists at the tip of a propagating crack.
The difference is due to the IR drop down the crack length. This-IR
drop depends on the dimensions of the crack which certainly vary with
specimen size. Presumably, the applied potentials on the thinner speci-
mens would reflect the potential at the crack tip more closely than
those on the thicker ones. But even for the thin specimens the applied
potential cannot be taken as an accurate measure of the tip potential.

Anodic breakdown characteristics of titanium alloys is thought to
be related to the susceptibility to stress corrosion. Feige and Murphy104

noted that environments in which stress corrosion occurred were uniquely
the same environments in which, anodic breakdown (accompanied by pitting)
of pure titanium and titanium alloys occurred at impressed anodic poten-
tials of less than 20 volts.

The effect of solution pH has been evaluated by many investigators.
Williams119 reported that varying the pH between k.5 and 8 had little
effect on stress corrosion in 3.5$ NaCl for Ti-8Al-TMo-lV and Ti-6Al-Uv

*In these experiments some of the specimens were fatigue cracked and
some were not. It did not appear to matter.
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alloys. Above and below this range increased susceptibility was found.
Haney120 observed changes in the corrosion potential as a function of
pH for the Ti-13V-llCr-3Al alloy in 0.6N NaCl. However he was unable
to detect a significant variance in cracking susceptibility with pH.
Leckie117 found the effect of pH to be negligible in his cantilever beam
tests of the Ti-7Al-2Cb-lTa alloy in 3% NaCl. From the above results it
would appear that the hydrogen ion concentration is not a significant
factor in the cracking process. However this is not necessarily the case
since, similarly to the applied potential, the bulk solution pH does not
reflect the pH at the crack tip. At the crack tip the solution is
divorced from the bulk and significant changes in concentration can occur
without any noticeable alterations in the bulk solution. An ingenious
method for measuring the pH near the crack tip was developed by Brown
et al.121 The method consists of abruptly interrupting the process.while
a crack is propagating and freezing the entire specimen in liquid nitrogen.
The specimen is subsequently broken open and the.solution at the.tip of
the crack analyzed. Using this method, the pH at the crack tip in a
Ti-8-1-1 alloy cracking in neutral NaCl was found to be about 1.7. This
pH at the tip' was insensitive to bulk values and remained under pH2 even
when the bulk solution was made alkaline. Analysis of the tip solution
also revealed the presence of A13+ ions. Recently, Brown, using a dif-
ferent technique,122 has been able to measure the potential near the
crack tip while the crack is propagating. He measured this tip poten-
tial, for the Ti-8-1-1 alloy cracking in 3.5$ NaCl, while the bulk
specimen was being cathodically polarized by a galvanic connection to a
Zn or Mg anode. He then froze the specimen and measured the pH at the
tip corresponding to the observed tip potential. He found that under
freely corroding conditions the potential at the tip was between -9̂ 2 mV
and -11̂ 2 mV(SCE) while the pH was 1.7. Connecting the Zn anode changed
the tip potential to between -11̂ 2 mV and -13̂ 2 mV(SCE) and the pH to
about 3.5. Connection to the Mg anode produced a tip potential between
-1392 mV and -16̂ 2 mV(SCE) and a tip pH of about 3.8. These finding are
very interesting. Assigning the corrosion potential at the crack tip
a very active value is in qualitative agreement with estimates by other
workers although this value, -10̂ 2 mV(SCE), is roughly 200 mV more
negative than had been anticipated.100'123 It is also quite interesting
that the pH increases as the potential becomes more negative. The
experimentors122 qualitatively observed that the crack velocity decreased
at the same time. Thus it appears that a low pH is not only observed
inside stress cracks but is also necessary for their propagation.

Tiller and Schrieffer176 have suggested an explanation for the nega-
tive potential at the crack tip. They proposed that the stress in the
vicinity of the tip produces a change in the local volume per atom which
leads to a redistribution of the free electrons in the metal. Their
calculations indicate that the flow of electrons would be into the crack
tip region which would make it cathodic with respect to the rest of the
metal.

Other very important electrochemical aspects of the salt water
cracking of titanium were determined by T. R. Beck at Boeing.46'100

He found that the crack velocity increased as the applied potential



increased (noble direction). The increase was approximately linear
from a potential of -800 mV(SCE) to +1000 mV(SCE). This increase in
velocity at noble potentials may seem confusing in light of the observed
anodic protection zones discussed above. Consider Ti-8-1-1 specimens in
.6M KC1 solutions. The load to initiate a crack was found to be higher
at, say, +500 mV(SCE) than at -500 mV(SCE). However, once a crack was
initiated its velocity was faster at +500 mV(SCE) than at -500 mV(SCE).
The anodic current flowing from the crack was also found to increase
linearly with potential.46}100 These results apply to neutral halide
solutions. In very concentrated HC1 solutions (10-12N) the crack veloc-
ity was found to be independent of potential.46 Even a large cathodic
potential did not stop the propagation. In other experiments46'100 Beck
found that the crack velocity increased with the halide ion concentra-
tion. For concentrations above about 10~3 moles/liter the velocity
varied as approximately the one-quarter to one-half power of the concen-
tration.

h. Initial Sites for Stress Corrosion Cracking

In recent years much attention has been paid to relating the ini-
tial sites for stress corrosion cracking to the electrochemical attack
of microstructural imperfections. It is when a metal is continually
being deformed while in a corrosive environment that dissolution rates
are accelerated the most. Pickering and Swarm124 cited three different
mechanisms to account for this accelerated, localized attack at regions
oil an alloy surface which are in the process of plastic deformation:
(a) protective surface films may be broken by growing surface slip steps
which render the local surface unprotected, (b) the atoms around a sur-
face slip step have fewer neighbors and hence will dissolve easier, and
(c) dislocations emerging at the surface may produce a chemical fluctua-
tion such as.that caused by "dislocation pumping" of solute atoms to the
surface.124>125 This pumping effect occurs when the dislocations are
moving slow enough so that the solute atoms can move along with them,
i.e., the solute atoms can jump to a dislocation site on the moving dis-
location. This is especially important in alloys which produce planar
arrays of dislocations, because many more solute atoms can be brought to
the surface, causing localized surface compositions quite different from
the average composition. These localized in homogeneities could produce
the necessary electrochemical reactions for stress corrosion cracking
initiation. Swann126 found that alloys forming planar arrays are in
fact more subject, to transgrariular stress corrosion cracking than alloys
that form cellular arrays of dislpcations.

Whether the dislocations are distributed in a cellular arrangement
or in a planar arrangement is generally dependent on the stacking fault
energy. With high stacking fault energy cross slip of dislocations is .
easy and the arrangement is cellular. But when the stacking fault
energy is low cross slip is difficult and the dislocations tend to stay
on their slip planes and form planar arrays. _At room temperature, pure
alpha titanium deforms by slip_on (1010), [1120], systems and by twin-
ning on (1012), (1122) and (I12x), where x = 1,2, and U.113 This high



number of deformation modes suggests that cross slip is easy in pure
titanium. Blackburn,127 however, has reported for Ti-Al binary alloys
that slip is confined to the slip system (1010), [1120], and that the
dislocations lie in coplanar arrays. A transition from cellular to
coplanar arrays occurs at the same, aluminum content at which the alloy
becomes susceptible to stress corrosion (about 5$>Al).102

In order for electrochemical dissolution to occur at dislocations
there must be a potential difference between the dislocation and the
matrix. Tromans and Nutting123 have claculated the potential difference
between a dislocation .with no solute atoms around, it and the matrix.
They obtained a value of approximately 0.0085 volts. If their calcula-
tions are correct then potential differences high enough to cause dis-
solution would likely arise only from segregation of solute atoms to the
dislocations. In this same light, preliminary tests at Reactive Metals,
Inc.111 indicate that Ti3Al (Ti-15.8̂  Al) is about 0.2 volts more anodic
than the matrix phase .(Ti-3.5̂  Al).

5. Proposed Mechanisms

Many attempts have been made to develop a unifying mechanism to
account for all stress corrosion failures. But each time a trend
developed in which a particular mechanism appeared applicable, an excep-
tion was always found.. Even for each particular metal the mechanism
appears to vary from environment to environment. For example, planar
arrays of dislocations have been considered to produce transgranular
cracking in titanium alloys. However, in N204 titanium fails inter-
granular ly regardless of the dislocation structure.106 In this section,
the most prominent theories for stress corrosion of titanium alloys in
aqueous solutions will be outlined and compared. Further discussion can
be found in Chapter VI where an attempt is made to correlate the results
of the present investigation and the electrochemical information devel-
oped in Chapter I to the existing theories. The theories apply to occur-
rences at the tip of an existing crack and thus to the propagation
process. .

There are two opposing schools of thought under which the theories
can be grouped. One school believes that the cracking proceeds by
preferential anodic dissolution. The second believes that cracks are
propagated mechanically, by cleavage. Considering the dissolution
theories first, one prominent theory is the film rupture model. This
model was discussed by Feige and Murphy90 and is supported by the work
of Beck.100 In this theory the thin protective film is ruptured at the
crack tip. The crack walls remain passive (they are not deformed) and
act as cathodes. Now, at the tip competing processes occur, passivation
and dissolution. Propagation occurs when the localized dissolution
process creates a stress concentration which causes further plastic
yielding. If passivation occurs before this stress concentration is
built up then propagation should stop. The high current density neces-
sary for this model must come from the large cathodic to anodic area
developed by the extended passive walls related to the small active



region at the tip. The key reactions for chloride solutions would be:

(21) .H+ + e" _»H

(22) Ti + 3C1" -» TiClg + 3e~

(23) 2TiCl3 + 3H20 -> Ti203 + 6H+ + 6C1~

The first reaction would occur on the passive crack walls while reactions
(22) and (23) would occur at the tip. The hydrolysis reaction is par-
ticularly important because it produces both hydrogen ions and chloride
ions which enhance the dissolution. This model predicts t rans granular .
cracking because the film rupture by step-step emergency would occur in
a grain rather than at a grain boundary.

Another anodic dissolution mechanism is called the "mechanochemical"
theory. It is advocated by T. P. Hoar,129 and is based on the premise
that dynamically straining metal is more reactive than nondeforming metal.
Accelerated dissolution is localized at the crack tip due to the rapid
deformation occurring there. The basis for this theory comes from the
experiments of Hoar and Scully on austenitic stainless steel wires in
boiling magnesium chloride solutions.130 They found that when these
wires were rapidly strained in the solution large increases in anodic
current were measured, (from a current of 0.013 mA/cm2 for static metal
to a current of 3-0 mA/cm2 for a metal being strained at a rate of
107%/min) . A calculation of the thermodynamic potential difference
between cold-worked and .annealed metal arising from differences in
stored strain energy results in a maximum difference of only a few
millivolts.129 The observed (three orders of magnitude) change in the
current . then, must come from kinetic changes rather than thermodynamic
differences . In the kinetic equation for an electrochemical reaction
(see Appendix) there are two terms which could by significantly changed
by dynamic straining. One is the activation energy for the process
and the other is the concentration of reactant, Cm. An increase in
current may arise from an increase in Cm, a decrease in AGt, or both., a
The maximum change in AĜ , or both. The maximum change in AGa was esti-
mated to be the difference in stored energy and would be about 100
cal/mole.129 Even in the exponential term this change results in an
increase in current of only about 20$ at room temperature. Therefore,
the increase in kinetics is thought to be due mainly to an increase in
Ĉ . This concentration increase arises from the dynamic surface activ-
ity due to the rapid emergence of dislocations.

It is not necessary that film rupture and lattice disarray theories
be mutually exclusive. The latter theory merely gives a basis for an
expected increase in the dissolution rate at a crack tip. This increase
could easily be coupled with a small anode, large cathode effect to
produce quite a large change in current density.



Another cracking theory is the "Stress Sorption" model. This model,
proposed by Uhlig,131 contends that crack propagation results from the
specific adsorption of a "damaging ion" at the tip of the crack. This
adsorption causes a reduction in the bond strength of the metal atoms
resulting in cleavage. This theory is really not an anodic dissolution
theory in that it involves a brittle mechanical failure and not electro-
chemical dissolution. It is listed with.the dissolution models because
in aqueous solutions the "damaging ion" would be the halogen ion and the
rate of cracking would be related to the availability of the halogen ions
at the crack tip, similar to the film-rupture theory. It has, in fact,
been suggested100 that the cracking velocity in WaCl solutions is propor-
tional to the rate of transport of chloride ions to the crack tip. (if
this is true the cracking should be a continuous process.) The stress
sorption theory is perhaps the only theory that can easily account for.
the very rapid cracking rate of titanium/alloys. This is because it
involves a brittle cleavage type fracture which can occur at a rate,as
high as the speed of sound.101 As has been pointed out elsewhere,1O1

the main difficulty with the stress sorption theory is that of designing
a critical experiment to determine its validity. Also, it is somewhat
difficult to understand why the adsorption of certain ions,, e.g. Cl ions,
should reduce the bond strength and cause cracking while the adsorption
of other ions, e.g. S04

2~, inhibits the process. . .

Although they are quite different in their theoretical basis, these
three anodic dissolution models are in many cases difficult to distin-
guish experimentally. Therefore in subsequent discussions they will
often be grouped under the general heading of dissolution mechanism.
However, attempts will be made, whenever possible, to relate appropriate
observations to each of them individually.

The foremost theory to be considered under the heading of mechanical
theories is the hydrogen embrittlement theory. This theory postulates,
simply, that the hydrogen atoms, which are produced by proton reduction
at the crack tip, enter the lattice and embrittle the metal. The mecha-
nism by which the absorbed hydrogen embrittles involves the precipita-
tion of hydrides similarly to the slow strain rate embrittlement which
is common in hydrogen containing titanium alloys.132'133 The actual
details of the internal embrittlement mechanism have been considered
elsewhere134"138 and will not be discussed here. The crucial question
in determining the applicability of this model to aqueous stress corro-
sion is not whether hydrogen in sufficient amounts can embrittle the
metal. There is no doubt that it can. The question is whether the
hydrogen can be absorbed fast enough to account for the high crack
velocity.

In connection with the mechanism of hydrogen embrittlement recent
work by Nelson, Williams, and Tetelman177 is noteworthy. They studied
the gaseous hydrogen embrittlement of high strength steel in a partially
dissociated hydrogen environment. They found that the presence of
atomic hydrogen increased the crack growth rate by several orders of
magnitude. Further, they found that the activation energy for this



atomic-molecular crack growth was nearly identical to that for the heat
of solution of hydrogen in the metal lattice. These findings suggested
that the slow step in the embrittlement reaction involves the dissocia-
tion of molecular hydrogen and that "the hydrogen-metal interaction
resulting in embrittlement takes place just below the first atomic layer
of the crack surface." The same situation holds for titanium alloys,
the rapid crack velocity could be explained without the need for lattice
diffusion of the hydrogen.

One final theory which should be mentioned is also a mechanical
fracture theory. It was first proposed by Forty139 and involves the
discontinuous process of repeated fracture and re-formation of a brittle
surface layer. The rate of crack propagation is determined by the rate
of film growth. This theory does not have strong experimental st̂ port
in the aqueous titanium cracking system although it has been suggested
that the fracture of a brittle hydride surface layer could be involved
in the cracking process.46 (Brittle oxide films have been rejected on
the basis that they could not form fast enough to keep up with the propa-
gating crack.)46 The brittle film theory does, however, have excellent
experimental support in other systems.101

Proposed mechanisms for the stress corrosion of titanium alloys in
aqueous solutions must account for the following salient observations
of the cracking process:

1. The very rapid propagation rate.

2; The specificity of anions that cause cracking.

3. The transgranular, cleavage type fractures which
occur on a rather odd fracture plane.

U. The existence of cathodic and anodic protection
zones.

5. The effect of applied potential on the crack velocity
and on the measured current.

6. The low pH and very negative corrosion potential in
the crack tip region.

As would be expected, none of the above theories can explain all
the experimental observations. Both the dissolution theories and the
hydrogen embrittlement theory have difficulty accounting for the very
high crack velocity (1.5 x 10"2 cm/sec) . To achieve a rate of that
magnitude by pure anodic dissolution, a current density of about
600 amp/cm2 would be required. This' extremely excessive current is
the main reason why an electrochemical anodic dissolution mechanism
appears doubtful. However, Beck46 has pointed out that current densities
this high are often used in electrochemical machining. The bulk diffu-
sion of hydrogen in alpha titanium is also too slow to account for this



velocity. In this light, it has been suggested that a high hydrogen
content may initiate a cleavage crack which may then .travel until it is
arrested by a physical barrier, perhaps a.grain boundary.140 This could
produce discontinuous cracking at a rate much faster than the hydrogen
diffusion rate. Cleavage processes have been observed in Ti-Al alloys
even in the absence of a stress corrosion environment.102 Scully140 has
pointed out that if hydrogen acts only as an initiator, then crack
velocities should be determined mainly by the physical and mechanical
properties of the metal. This could explain the observed large variance
in velocity from alloy to alloy.140 As was pointed out previously, a
stress sorption mechanism controlled by the transport of Cl ions to the
crack tip could produce continuous cracking at a very rapid rate.

The specificity of anions tends to support the dissolution theories
which require direct involvement of the halide ions. However the presence
of chlorides would likely increase the rate of hydrogen absorption. This
fact is well established in ferrous alloy systems..141 Also the hydrolysis
reaction of the halide salt may serve as a source of hydrogen ions.

r*.

The fracture characteristics are strong support for the hydrogen
embrittlement theory. The general appearance of the fracture surfaces
is indicative of a brittle mechanical failure. .Cleavage produced, river-
bottom, markings are in evidence. The fractures show no indication that
a prior dissolution reaction had occurred, especially not a reaction of
the magnitude necessary for a dissolution mechanism. The hydrogen embrit-
tlement model can also explain .the unusual fracture planes. This has
been done in a paper by Mauney and Starke.142 They demonstrated that
hydride precipitation on the normal slip planes would promote slip on
another_slip system which would lead to fracture on the observed (101?)
and (1018) planes. The situation is complicated however by the fact
that a stress sorption theory would also produce brittle type fractures
and by the fact that susceptible alloys show the same odd fracture plane
when broken in air as when broken in a stress corrosion environment.1O2

The existence of a cathodic protection zone is, of course, support
for the dissolution theories. In fact, this observation has classically
been considered pro f that the cracking process is anodic. However,
recent experiments such as the ones by Brown,122 discussed above, which
show that the hydrogen ion activity decreases as the potential decreases
have cast doubt on this practice. Another possible explanation for the
cathodic protection zone which is consistent with the hydrogen embrittle-
ment theory is the rapid formation of surface hydrides at very negative
potentials. Hydrides appear to have a lower hydrogen over voltage than
bare titanium and may act as preferential sites for hydrogen reduction.
This could prevent the hydrogen from being discharged at the crack tip
and thus lower the amount of hydrogen absorbed. The effect of, surface
hydrides on the cracking process will be discussed in more detail later.
On the other hand, anodic protection zones which support the hydrogen
theory are harder to explain on the basis of a dissolution mechanism,
at least no plausible explanations have been put forth in the literature.
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The strongest support for the dissolution mechanisms comes from the
observed linear increase in both crack velocity and anodic current as
the potential is shifted in the noble direction.46*100 Increases in the
potential would increase the rate of anodic reactions at the tip and the
rate of transport of chloride ions to the crack tip.

The low pH and very negative corrosion potential at the crack tip
are consistent with both dissolution and hydrogen embrittlement mechan-
isms. This fact points out a major difficulty in trying to distinguish
between the two mechanisms. They are inter-connected. The reason is
that the hydrogen embrittlement theory requires protons for reduction.
These must be produced by the hydrolysis reaction which depends on the
anodic dissolution reaction. Therefore, any effect which slows down
the anodic reaction can be argued as ultimately lowering the proton con-
centration. On the other hand, any effect which increases the rate of
dissolution also increases the concentration of hydrogen ions. A good
example of this anomaly is the observation by Brown122 that decreasing
the potential at the crack tip slows down the cracking rate but also
increases the pH. The crucial question, which is presently unanswered,
is whether the cracking rate decreased because the anodic reaction
decreased or because the proton concentration decreased as a result of
the decrease in anodic kinetics.

There is however one critical experimental observation which is yet
to be made but which could elucidate the problem dramatically. That is
whether the microscopic crack propagation is discontinuous (hydrogen
embrittlement) or continuous (mass transport controlled anodic process).



III. THE STRAINING ELECTRODE

Since a large portion of the data gathered in this investigation
involves a straining electrode, some background in this area should be
presented. The main purpose of this work, however, is the study of
stress corrosion cracking. Therefore, the review of the literature on
the straining electrode will be kept brief. The reader is referred to
the work of Murata74 for a comprehensive review of the subject.

The straining electrode has been used mainly as a tool for general
observations although a few attempts have been made to treat the subject
quantitatively.74'159 The biggest problem is that it is impossible to
determine, with certainty, the actual area from which the current is
flowing during dynamic straining. The technique became experimentally
popular because of the work by Hoar and his colleagues.129' 13°> °̂. Hoar
has advanced a theory129 for stress corrosion cracking based on the
premise that dynamically straining metal is more reactive than static
metal, (see Chapter II, section 5) .

1. Elastic Strain

The effect of elastic strain on the rate of electrochemical reactions
is generally not large. An estimate of the expected change in electrode
potential from the increase in internal energy during elastic straining
is often made and the change is negligibly small. Yang, Home and
Pound101 calculated the change in the reversible potential of a pure
electrode during elastic strain using only thermodynamic considerations.
Again the effect was found to be extremely small - a stress of 1000 psi
was calculated to produce a potential shift of 10~4 to 10~5 mV. Impurity
atoms increase the change. Interstitial impurities such as hydrogen
produce the largest effect, but it is still quite small. The exact
magnitude depends on the partial molar volume of the impurity but it is
on the order of 0.01-0.1 mV/1000 psi. When considering differences
between substitutional and interstitial solutes Yang et al.161 came to
an interesting conclusion. The chemical potential of a substitutional
solute or a pure solid increases with the application of a nonhydrostatic
stress whereas the chemical potential of an interstitial solute may
increase or decrease depending on the sign of the applied stress. Com-
pression increases it; tension decreases it.

Nobe et al.162 measured transient changes in Ecorr during elastic
straining of copper in CuS04 and NaCl and zinc in ZnS04. These tran-
sients were short lived and died out in a few seconds. Their magnitude
was typically about 0.01 mV.

These observations indicate that the change in electrode potential
during elastic straining is not a factor in stress corrosion cracking,
certainly not in terms of the "mechano-chemical" effect. There is no
information available in the literature about changes in current flow
during elastic straining at constant potential.



2. Cold Work

When a metal is cold worked its internal energy increases. From
a thermodynamic point of view this should increase the reactivity. An
estimate of the magnitude of this effect can easily he made. This has
been done129 and, as in the case of elastically stressed metals, it is
very small.

The internal energy of a cold worked metal is stored mainly in the
dislocation structure. The dislocation density may increase by a factor
as high as 104 to 10s when a metal is severely cold worked. The prefer-
ential dissolution of dislocations has received a good deal of attention

: in recent years.74'124"126'128'163 As far as static dislocations in a
cold worked metal are concerned, the increase in reactivity is not large
enough to be important unless the segregation of solute atoms to the dis
locations is significant. Moving dislocations can exert considerably
more influence by producing dissolution sites on the surface as they
emerge. This is especially true if the dislocations form planar arrays
(see Chapter II, section U) .

Finley and Meyers164 studied the effect of cold work on the anodic
polarization of iron in UN sulfuric acid. They found that cold working
shifted the potential for complete passivation in the noble direction.
This shift was also found by France for low carbon steel in 0.6M

In the same paper, France also summarized the results of numerous
workers on the effect of cold work on corrosion rates. He found the
results to be very inconsistent, one worker would report increased cor-
rosion rates after plastic deformation and another decreased rates.
The discrepancies were related to the lack of adequate control of the
experimental variables.

Tomashov and Ivanov166 studied the effect of cold work on the cor-
rosion of titanium in sulfuric and hydrochloric acid solutions. They
found that the corrosion rate of the rolled surface decreased with
increasing plastic deformation (from 20% to 95$ reduction) . However,
they found increased corrosion on the edges of the sheet specimens, the
edge perpendicular to the rolling direction having a greater rate than
the edge parallel to it. They explained the phenomenon by crystal-
lographic texturing (the basal plane tends to be parallel to the roll-
ing plane) and by a higher density of grain boundaries in the edges.

3. Dynamic Straining "

. Only when metals are strained dynamically does the effect of strain
on dissolution rates become large enough to be a consideration in stress
corrosion cracking. The largest effect was found by Hoar and Scully130

for austenitic stainless steel in boiling magnesium chloride solutions.
They found that the current increased over 200 fold when the metal was
strained at very rapid strain rates. If the stainless steel is film
free in this environment, as Hoar and Scully assumed, then this change



represents a very large increase in dissolution kinetics. However,
Slater,167 using the same experimental conditions, was unable to repro-
duce this high dissolution current. In addition, his experiments as
v/ell as those of other workers168 showed evidence of film formation in
the boiling MgClg solution. With a film present the increase in current
with straining can often be explained by rupture of the film without
the need for a large change in dissolution kinetics.167

Despic, Raicheff .and Bockris169 ran .a series of straining experi-
ments taking special care to avoid the formation of surface films.
They compared the current response to straining of bcc metals (Fe arid Mo)
to fee metals (.Ni and Cu) at potentials slightly above the steady state
corrosion potential. A definite increase in current was observed when
the metals were strained, the magnitude of the change being greater for
the bcc than for the fee metals. The response was largest for Fe and
smallest for Ni. They explained this difference on the basis of enhanced
dissolution on the less tightly packed (higher index) planes which are
exposed during slip of the bcc metals. Since fee metals slip on closely
.packed planes no enhanced dissolution occurs. The actual magnitude of
the current increases observed by Despic et al.169 was quite small for
the fee metals (about 2 fold) and thus their results do not confirm the
large increase in dissolution kinetics observed by Hoar and Scully for
austenitic stainless steel. However,. part of the difference could be
due to the fact that the latter workers used much larger strain rates..

Windfelt170'171 studied the effect of continuous straining on the
dissolution processes by measuring potential transients. He measured
the potential changes at open circuit and under galvanostatic conditions.
The systems studies were Fe and Ni in acid chloride solutions and Cu in
acid cupric sulphate solutions. The corrosion potential shifted in the
active direction during straining. The magnitude of the shift increased
with increasing strain rate and in the order of metals Cu < Fe < Ni, the
largest shift being about 0̂ mV for Ni at a- strain rate of l80$,/min.
In the galvanostatic tests the shifts were qualitatively identical and
their magnitude decreased with increasing anodic current. Assuming a
film free surface Windfelt was able to explain his observations in terms
of changes in the density of kink sites. It is typical of literature
on the straining electrode that Windfelt found the straining response to
be' the largest for Ni and smallest for Cu whereas Despic et al. found the
effect to be largest for Fe and smallest for Ni with Cu in between.

Giddings et al.172 measured the change in open circuit potential
of several metals when subjected to a sudden plastic strain in distilled
water. Potential shifts were in the active direction and were quite
large. The effect was largest for Al (-800 mV) and smallest for
Ag (-39 mV). The metals tested in order of decreasing effect were
Al > Zn > Ni > Fe > Gu > Ag. The authors related the transients to the
rupture of surface films. Thus metals having very low positions on the
electromotive series and very protective films produce the largest
changes.
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Recently, Hoar and Galveli173 studied the anodic behavior of oxide
covered mi3d.steel during yielding in nitrate solutions. They observed
appreciable current increases and interpreted them, on the basis of
enhanced dissolution at sites of film rupture. By assuming that the
current was flowing only from new area exposed by the film rupture (cal-
culated directly from the elongation of the wire) they were able to
magnify the measured current density of 100 A/cm2 into a projected value
of 2 A/cm2. This projection is supported by the fact that the observed
current transients were a linear function of strain and almost indepen-
dent of strain rate.
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W. EXPERIMENTAL PROCEDURE

1. Material

The material used in this investigation was Ti-8Al-lMo-lV alloy in
the form of wire 0.020 inches (0.58 mm) in diameter. The wire was
obtained from Astro Metallurgical Corporation, Wooster, Ohio. It was
cold drawn by them from 3/8 inch (10 mm) diameter rod via a series of
12% reductions with three to four 30 minute anneals at 788°C in argon.
It was received in the cold drawn condition after being descaled in
salt and pickled in HN03-HF. The chemical composition is shown in
Table 3-. The microstructure and surface appearance of as received wire
are shown in Figures h and 5-

Table 3. The Chemical Analysis of the Ti-8-1-1
Wire used in this Investigation

Alloying Element Per cent

C 0.016

Fe 0.065

Al 8.0U
v — 0.98
Mo ... ........;.......... 1.12

o.' — ..0.09"
N 0.008

H 0.0008

Ti bal.

Before use the wire was vacuum annealed at 760°C for 8 hours fol-
lowed by a furnace cool. The vacuum was 10"̂  mm Hg. The microstructure
and surface appearance of the annealed wire are shown in Figures 6 and 7-

2. Solutions .

The electrolyte used throughout this investigation was 5N HC1. It
was made using double distilled water and reagent grade hydrochloric
acid..

The specimens were pickled before use. The pickle solution was
33$HN03 + 1.5$ HF and the balance" water. This solution has a tendency
to age so fresh solutions were used throughout the investigation.
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Figure U - The Microstructure of the
As-Received Ti-8-1-1 Wire.

500X
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Figure 5 - Scanning Electron Micro-
graph of the Surface
Appearance of the As-
Received Ti-8-1-1 Wire.

2000X
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Figure 6 - The Microstructure of the
Ti-8-1-1 Wire after a
Vacuum Anneal at 760°C
for 8 hr and a Furnace
Cool. 500X
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Figure 7 - Scanning Electron Micro-
graph of Surface Appearance
and the Ti-8-1-1 Wire after
a Vacuum Anneal at 760°C
for 8 hr and a Furnace Cool.

2000X
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3. Experimental Apparatus

All electrochemical measurements were carried out in a polarization
cell which was mounted in the test stand.of an Instron Tensile Testing
Machine. This was done so that a static test could be interrupted at any
time by dynamic straining. In addition, the Instron test stand proved
to be an effective shield against external stray currents.

Figure 8 shows the polarization cell. It consists basically of the
familiar 1000 ml multinecked polarization flask with an extra large top
neck to accommodate 1 3/U inch (U5 mm) O.D. heavy wall Pyrex tubing. A
male ground glass taper joint matching the top neck of the flask was
attached to the outside diameter of the thick wall tubing. It was wrap-
ped with Teflon tape during testing to avoid sticking. Two smaller side
necks were used for a Luggin probe and an inlet for inert gas purging.
A third side neck, not shown, was used for temperature measurement or,
in some tests, to accommodate a salt bridge which was connected to a
remote counter electrode. The normal counter electrode consisted of two
1/U inch (63.5 ™a) in diameter graphite rods which were mounted to the
inside of the thick walled tubing with GE Silicone Sealant. They were
sleeved tightly with heat shrinkable FVC tubing leaving a 3 cm length
exposed to the solution. Electrical connections were made using platinum
wire. The heavy walled tubing had windows cut, one on each side, to
allow free flow of the solution near the sample.

The wire sample was mounted in the thick wall tubing externally and
then the whole assembly placed in the polarization cell. The connections
can be seen in Figure 8. The wire was held at the top by a Starrett
No. 2̂ 0A pin vise through a piece of PVC. A solid connection to the PVC
was afforded by a stainless steel bolt. Care was taken to avoid sharp
bends in the wire specimen. A stainless steel rod was connected to the
pin vise and extended through a PVC separator. A sleeve on top of the
PVC was tightened to hold the wire straight when it was not being strained.
Teflon washers were used between the PVC pieces and the glass tubing.
During testing in the solution the stainless steel bolt was coated with
silicone sealant and the pin vise and stainless steel rod were coated
with microstop.

The entire polarization cell was mounted under the moving crosshead
of the Instron test stand. The stainless steel rod extended through the
moving crosshead and was connected to the upper stationary crosshead.
Downward movement of the crosshead resulted in compression of the thick
walled tubing and extension of the wire specimen. Figure 9 shows the
cell positioned under the crosshead.

When tests were run at very negative potentials chlorine gas was
evolved on the graphite counter electrodes. To avoid this contamination
a remote counter electrode was used. This consisted of a bridge assembly
extending from the cell to an external container in which another graph-
ite electrode was placed. The ends of the bridge were fitted with pieces
of fine fritted glass to avoid transport of the chlorine gas to the

57



TO INSTRON

Pt. WIRE

REFERENCE
ELECTRODE

COATED
ROD

THICK

WALL

GLASS

TUBING

STAINLESS STEEL ROD

SET SCREW
RV.C.
TEFLON WASHER

HEAT
SHRINKABL
RV.C. TUBING

INERT GAS
X

GRAPHITE

ROD

TEFLON

WASHER

RV.C.

COATED

STAINLESS STEEL

BOLT.

Figure 8 - The .Polarization Cell
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Figure 9 - The Polarization Cell as
Positioned under the Cross-
head of the Instron Tensile
Machine
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specimen. The diameters of the bridge and the graphite electrode were
made as large as possible to prevent an excessive IR drop during testing.
Figure 10 is a picture of the polarization cell with the remote electrode
assembly attached.

Potential measurements were made with a saturated calomel reference
electrode. Polarization of the specimen was carried out using a Wenking
Model 68 TS 10 potentiostat; with, a Wenking MP 165 motor potentiometer.
Measurements were recorded on an Esterline Angus Model E1101S recorder.

Most of the tests were run in. solutions deaerated with nitrogen or
argon. In order to avoid delays while the, oxygen.was being purged from
the polarization cell a deaeration system was set up by which enough
solution for several tests could be deaerated beforehand and continually
purged during the tests. The deaerated solution was contained in a
6000 ml flask from which it could be pumped into the polarization cell
prior to each test. A four way glass stopcock allowed the large flask
and the polarization cell to be purged at the same time. The inert gas
was high purity grade, 99-995 per cent pure, argon or nitrogen. It was
further purified before use by passing it through ascarite and drierite,
then through copper turnings heated to a temperature of 500°C.

k. Specimen Preparation • .

In order to obtain a consistent surface for study the wires were
pickled before testing. They were Immersed in the nitric-hydrbfloric
acid, solution for 30 seconds, then thoroughly rinsed with distilled
water. The pickling left a small amount of a black powdery residue on
the surface (probably a hydride) which was rubbed off with tissue. The
wires were then mounted in the PVC and connected to the pin vises. Next
they were rinsed with'acetone and coated with microstop leaving a 2 cm
length uncoated. When the microstop was dry a thin coating of silicone
sealant, diluted with toulene, was put over the microstop. The stainless
steel bolts and the pin vises were coated with silicone sealant and
microstop, respectively. The specimens were then put in a polyethelene
box, covered loosely, and left overnight. Since the silicone sealant
cures by reaction with water, the bottom of the box was kept wet with
distilled water.

5. Procedure

Since the silicone sealant required several hours to cure, specimens
were prepared in the evening for tests the next day. The base solution
for the next day's runs was also purged with inert gas overnight. To
begin a test, the polarization cell was purged, while empty, with inert
gas, then about 800 ml of solution was pumped into it. A coated specimen
already connected to the thick walled tubing was then introduced into
the solution. The cell was put into place in the test stand and the
Luggin probe positioned. The solution used in the probe was drawn into
it directly from the test cell. Inert gas was bubbled through the test
solution and the base solution throughout a run. After each test the
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Figure 10 - The Polarization Cell
Showing the Remote
Electrode Assembly
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used solution was discarded and the test cell and thick wall tubing
rinsed with distilled water. Fresh solution was also introduced into
the probe for each test.

Since the wires were left in the air overnight they were covered
with an oxide film. Therefore when connections to the potentiostat were
made at the beginning of each test the open circuit potential was between
-200 mV and +50 mV(SCE). The corrosion potential was monitored while
the specimen activated naturally. When the corrosion potential reached
its quasi-steady state value of -680 mV(SCE) the test was begun. All
tests were run at room temperature. .
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V. RESULTS AND DISCUSSION

The primary purpose of this investigation was to study the stress
corrosion cracking of titanium alloys in aqueous solutions. The emphasis
was placed on the propagation stage of the cracking process. The environ-
ment used, deaerated 5N HC1, was chosen to simulate conditions at the tip
of a crack. The 5N HC1 solution has a lower pH than has been observed in
cracks but use of the strong acid was necessary in order to obtain a sur-
face for study which was not covered by a passive film. The experiments
were designed to study (1) the basic electrochemical behavior of titanium
in 5N HC1 under static conditions and (2) the response of the metal to
dynamic straining in the solution.

As the investigation progressed it became obvious from certain
experimental results and from work reported in the literature that sur,-
face films could be present on the metal even in the "active" condition
and that these oxides and/or hydrides, if present, would be extremely
influential in determining the electrochemical properties of titanium in
the acid solution. A foremost consideration should be the identification
of the surface films. These determinations have been made as indicated
in Chapter I. However due to limitations in the analysis process these
identifications were made on relatively thick films such as the oxides
existing on passive titanium or the thick hydrides formed by cathodic
charging. Information about the very thin films on titanium in say, the
"active" condition is not easily obtained. And yet these films, which
may be only a few angstroms thick, can exert a profound influence on the
electrochemical behavior - particularly as related to stress corrosion
cracking. Consequently, the results of this investigation were analyzed
whenever possible in terms of the surface films and an attempt was made
to relate the experimental observations to the existence and properties
of these films.

1. Static Response

a. Anodic Region

The anodic polarization behavior of titanium in HC1 solutions is
well documented in the literature2^7*35'49 and is discussed in Chapter I.
However, only one experimenter35 measured the curves using the Ti-8-1-1
alloy. Therefore, the measurements were repeated here as a check.
Figure 11 shows anodic polarization curves at various scan rates. These
tests were run in 5N HC1 + 0.6W Nad solutions. Other curves, run with-
out the added sodium chloride, were identical. The potential range was
scanned continuously at the given rates beginning at the "active" cor-
rosion potential and moving in the noble direction. The curves shown are
in good agreement with published results. The very low current at the
peak of the curve (~150 uA/cm2) is indicative of the extent to which the
anodic processes are inhibited on titanium surfaces. As indicated previ-
ously, this value is over three, orders of magnitude lower than the cor-
responding current for iron. The tendency for the current in the passive
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range to increase slightly as the potential is increased has been observed,
by other workers.3 As Figure 11 shows, the scan rate affects the magni-
tude of the current flowing, particularly in the passive region, but does
not affect the potential at which passivation begins. The time dependence
of the formation and dissolution of the passive film can be seen on Fig-
ure 12 which shows the current behavior during a back scan. The large
hysteresis demonstrates that the passive oxides are dissolved very slowly.
Figure 13 compares an aerated solution with the normal deaerated environ-
ment. As the figure shows, the only change is in the height of the
active peak. Thus the presence of oxygen in the solution inhibits the
dissolution reaction even more. Before'discussing the probable explana-
tions for this observed polarization behavior,some information about the
behavior of the open circuit or corrosion potential in the solution would
be helpful.

A great deal can be learned about an electrochemical system by noting
changes in the open circuit potential under different conditions. The
open circuit potential is the potential at which the sum of the currents
from all the cathodic reactions which are occurring equals the sum from
all the anodic reactions. Thus the value of the corrosion potential can
be useful in determining the possible reactions that are going on at the
surface. When an oxide-coated .wire is put into the 5N HC1 solution Ecorr
is initially about -100 mV(SCE). However, the oxide film is not stable
in the acid and, as it dissolves, the corrosion potential gradually shifts
in the active direction. This is illustrated in Figure lU(b). After
this shift in the corrosion potential is complete the specimen is said to
be in .the "active" condition. This curve was measured on a specimen
which was passivated at a potential of +200 mV for 1 hour before monitor-
ing the corrosion potential. The same curve was obtained after polari-
zation at +500 mV(SCE) and after a polarization scan to a potential of
+750 mV. The natural activation of the air formed film also produced
the same curve. It can be seen that the curve shows no horizontal pla-
teau which would indicate the reduction of an oxide of definite, stoichio-
metric composition. The knee of the curve, commonly called the Flade
potential, Ep, is roughly -270 mV(SCE). .(in the ideal case, for a stoi-
chiometric oxide this potential would be the horizontal part of the curve
and would represent the potential below which the oxide is not stable
and dissolves.)

Curve (a) of Figure 1^ was measured after polarization at a potential
of -200 mV(SCE).. Comparison of the two curves shows that they obviously
represent different oxides. The Flade potential for the oxide in curve
(a) is about -370 mV(SCE). Reference back to Figure 11 shows that -370 mV
is just after the peak of the curve. Thus the formation of this oxide
apparently accounts for the intial stages of passivation. The probable
reaction would be (Table 1, Chapter I)

3Ti203 + H20 2 2Ti305 + 2H
+ + 2e~ . .

E° = -U22 to -732 mV(SCE) .
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(The range of standard electrode potential values indicates that there
is some uncertainty in the free energy data.) This reaction requires
that an oxide be present during the dissolution process before passiva-
tion. There is, in fact, strong evidence that this is the case as was
discussed in Chapter I. Although the oxide Ti305 is not thermodynamicalQy
stable with respect to Ti203 and Ti02, it has been observed on the surface
of titanium in sulfuric acid.8

From Table 2 in Chapter I the passive oxide in this solution would
be expected to be Ti203 • 3-k Ti02. This is a nonstoichiometric oxide
which explains the sloped potential decay curve. Since it is a mixture
of two oxides there would be no definite potential at which it will be
formed. The final stages of passivation are probably accounted for by
the formation of Ti02 from Ti203 and Ti305. From Table 1 there is also
some uncertainty about the potential at which Ti203 can be oxidized to
Ti02. The given potential range is [-792 mV to -352 mV(SCE)]. The
reaction would be

(25) Ti203 + H20 -» 2Ti02 + ,2H
+ + 2e~

Reactions 2k and 25 can be combined to give a standard potential for the
formation of Ti02 from Ti305. This yields

(26) Ti305 + H20 -»3Ti02 + 2H
+ + 2e"

E° = -307 mV(SCE)

In making this calculation E° for reaction 2k was taken as -kk2. mV and
E° for reaction 25 as -352 mV since these values seem to be most appro-
priate to account for the observed data. The pH of the 5W HC1 solution
is approximately -0.7. A pH of this value would shift the reversible
potentials of each of the above reactions 1̂ mV in the noble direction.
Including this correction the final reversible potentials for the reac-
tions are Ti203 -»Ti305, Erev = -UOl.mV(SCE); Ti305 ->Ti02, Erev- =
-266 mV(SCE) and Ti203 ->Ti02, Erev = -311 mV(SCE). Thus, the explana-
tion for the observed polarization curves and potential decay curves
includes the formation of Ti305 at the initial stages of passivation
followed by the formation of Ti02 as passivation becomes complete.

As may be obvious to the reader there is an apparent inconsistency
in the above explanation of the passivation behavior. From the potential
decay curve, Figure lU(b), and the thermodynamic calculations the final
oxide should be formed above a potential of about -270 mV(SCE) and yet
a 2 hour exposure at -200 mV does not produce it. The explanation for
this apparent anomaly is related to the kinetics of the reactions.
Although a reaction may be possible at a certain potential it may not
occur at a significant rate until a sizeable driving force (overpotential)
has been applied. Thus, as the potential is increased Ti02 is apparently
not formed until a potential between -200 and +200 mV(SCE) is reached.
Also the Ti305 which is formed is apparently completely oxidized to
TiQ2 at potentials of +200 mV(SCE) and above because its inflection is
not observed in the potential decay curve of the final oxide.
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It should be pointed out here that sloping potential decay curves
such.as those in Figure ih can also be explained on the basis of a
gradual reduction of a mono layer of adsorbed oxygen.72 In other words
the adsorption theory of passivity could apply. Kossyi et al.72 ran
experiments using pure titanium in 3N HC1 solutions to which a small
amount of HF had been added. They were able to conclude that the
adsorption theory did not apply to their passive films which were formed
at potentials of 1250 - 1500 mV(SCE). Their results should apply for
the final passive film i. e. Figure lh(b). However they may not be
applicable to the film formed at -200 mV, and so adsorption processes
cannot be ruled out in that case.

In the section on passivity in Chapter I it was pointed out. that
the current flowing in the passive range is used not only for film for-
mation but also for metal dissolution. For this reason the amount of
charge passed cannot be used to calculate the thickness of the film.
This fact is emphasized by the present results. The film formed at
-200 mV for 2 hours is much thinner than.the film formed at +200 for
1 hour as is obvious from the difference in the length of time required
to dissolve them' (Figure 1̂ ). Yet the amount of charge passed during,
passivation at -200 mV was calculated to be much larger than that
passed at +200 mV.

It is pertinent at this point to discuss the reactions occurring on
the wire surface at the "active" corrosion potential. This is the quasi-
steady state potential that is obtained after the natural dissolution of
the passive film. There is strong evidence that surface hydrides may
play an important role in the reactions .that produce this "active"
corrosion potential (-680 mV(SCE) for Ti-8-1-1 wires in 5N HCl).

In Chapter I, the formation of surface hydrides on titanium immersed
in non-oxidizing acids was discussed in some detail. It was determined
that hydrides will form spontaneously in acid solutions and grow to a
considerable thickness.7 A study of analytically measured corrosion
rates showed that the dissolution behavior of a hydride coated specimen
was exactly the same as a supposedly uncbated specimen.42 Anodic polar-
ization curves run on pure hydride were identical to curves run on a
titanium specimen.41 From these results it was concluded that apparently
a thin hydride layer is present at all times when titanium is "active"
in a non-oxidizing acid. The passivation and dissolution processes then
occur on top of the hydride layer. The composition of the hydride varies
with the acid concentration. In 5W HCl the composition should be TiH.7

The reaction to form it would be

(27) Ti + H+ +e~ -> TiH

Once a hydride layer has formed there are many reactions which can
occur on it. (in contrast to the passive oxide, titanium hydride has
high electrical conductivity7 and thus can easily support electrochemical
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reactions.) From Table 1 the likely anodic ones in 5N HC1 are

(3). TiH -»Ti3+ + 1/2 H2 + 3e~ Erev = -1350 mV(SCE)

(28) T1H + H20 -»TiO + 3H
+ + 3e" Erev = -851 mV(SCE)

(29) 2TiH + 3H20 -*Ti203 + 8H+ + 8e~ Erev = -971 mV(SCE)

Here the pH is again assumed to be -0.7 and the Ti3+ concentration ;
is taken as 10~6 moles/liter. Since the dissolution reaction (equation
3) is quite inhibited as can be seen from the low anodic peak in Fig-
ure 11, it is quite likely that reactions 28 or 29 occur at least to
some extent. The active corrosion potential, then, is probably composed
of inhibited hydride dissolution (reaction 3) and hydrogen ion reduction
(reaction 7)•

It was mentioned above that this "active" corrosion potential is a
quasi-steady state value. If a specimen is left in the acid for a long
time Ecorr slowly shifts in the noble direction. After 7 hours it
reaches a value of -570 mV(SCE) and appears to be steady. This shift
would normally be considered to be due to an increase in the kinetics of
the hydrogen reduction reaction but it could also be due to a decrease
in the kinetics of the anodic reaction. The latter is quite possible
since the corrosion rates of titanium have been observed to decrease
with exposure time by other workers.7

If an "active" specimen is held at -850 mV(SCE) for 6 hours, then
the current is switched off, the same: corrosion potential is obtained
(̂ •570 mV). However in this case the potential then shifts back in the
active direction slightly reaching a value of -600 mV in about onerhalf
hour. ' • ' " . . . - . : . _ . • ' • • ' • • . ' . ' •

Long exposures also cause a change in the appearance of a specimen.
It loses its shiny appearance and becomes a dull gray color.

b . Cathodic Region ' • - . . - .

A more important potential range than the anodic region, from the
standpoint of stress corrosion, is the range of potentials below the
corrosion potential. In this region corrosion processes are still
occurring but they are overshadowed by large cathodic currents. Figure
15 shows a cathodic polarization curve for the Ti-8-1-1 wire in de-
aerated 5N HC1. The potentials were scanned starting at the corrosion
potential at a rate of 600 mV/hr. The most striking feature about the
figure is the extremely large current which flows compared to that in
the anodic regions. Current densities of well over 100,000 |j.A/cm2 are
typical at very negative potentials. The mid portion of the curve is
linear through almost three orders of magnitude of current. The slope
in this region (Tafel slope) was measured to be 0.1 volts per decade of
current.
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The consequences of having Tafel behavior are quite significant.
The net current that is measured on the polarization curve is the alge-
braic sum of the currents. from all the anodic and cathodic reactions
that are occurring on the surface. Each reaction current is represented
by an equation of the form

(30) i = A eBTl

where A and B are constants and r\ is the overpotential which equals the
potential difference between the applied potential and the reversible
potential for the given reaction. (See the Appendix for details about
the terms in this equation.) The measured current then, is the sum of
a number of exponential terms. A plot of the log of this net current
versus potential can be straight only if.there is but one term involved.
This means that one reaction is occurring at a rate much faster than all
the others and that the measured current is essentially due only to it.
In a deaerated solution hydrogen ion.reduction and hydride formation and
growth are the only cathodic reactions that would be expected on "active"
titanium over the range of potentials where the plot is linear (see Table
1). The growth of a hydride involves diffusion processes and would be
much slower than proton reduction. Further, the fact that the measured
current is accompanied by the copious evolution of bubbles on the surface
leaves little doubt that the polarization curve represents, singlely,
the hydorgen reduction reaction.

At very negative potentials the polarization curve deviates from
linearity. This is due to the reaction rate becoming limited by trans-
port processes. In other words, the slow step in the process has become
the transport of the protons to the surface.

The fact that the measured current on the polarization curve is
only due to the hydrogen reaction does not mean that other reactions are
not occurring. It only means their rates are small compared to that of
proton reduction. For example, at -1000 mV(SCE) the rate of the hydrogen
reaction is 225,000 nA/cm2 (Figure 15). At this potential an anodic dis-
solution rate of say 1000 uA/cm2 would not even be noticed and yet that
rate is very large relative to the anodic polarization curves. Another
point that should be mentioned is that chemical reactions could be occur-
ing on the wire surface. Since they do not affect the measured current
their rates cannot be monitored directly.

Figure 16 is another cathodic polarization curve. This curve was
measured at the same scan rate as Figure 15 with air bubbling through
the solution. The Tafel slope here is again 0.1 volt which indicates
that the current from the oxygen reduction reaction is small relative to
that of hydrogen ion reduction.

The curves in Figure 17 were run at a scan rate of 1500 mV/hr in a
deaerated solution. The Tafel slopes are again the same within experi-
mental error. This is not surprising since changes in the scan rate
would not be expected to affect an activation controlled electrochemical
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process. The difference in behavior on the back scan is very noteworthy.
It can be seen that at a given potential the current on the back scan is
significantly higher than the current on the forward scan. . This indi-
cates that the metal surface has changed in such a way that the hydrogen
reaction can occur much faster. This effect has been observed by other
workers37'40 and has been attributed to the formation of a surface
hydride. Extrapolation of the Tafel portion of the curves back to the
reversible potential for hydrogen ion reduction (-201 mV in 5N HCl) will
yield a value of the exchange current for the reaction. The values from
this extrapolation for the curves on Figure 17 are

("VO "i - li •* TO"
3
 nA/0-m

2
\ ,_)-*•/ -^O. — ' •"• -*->^ LLrt./ LrlilTip forward • '

-(32) loH2 back = 35 x lO-
3 ̂ /cmz

The reaction rates are 9 times faster on the back scan. This type of
increase has been taken to imply that the rate of proton reduction is
intrinsically faster on a hydride surface. In other words, that the
'•mechanism is different on the hydride. But the effect could also be due
to an increase in reaction area due to a roughening of the surface from
the absorption of hydrogen and from dissolution. Experimental evidence
indicates that the latter reason must be at least partially responsible^
for the increase. The important facts are: (l) Hydrides would be
expected to form quite rapidly in the strong acid, especially with the
application of cathodic polarization. As discussed in Chapter I a thin .
hydride layer, say 20 A thick, would require less than a second to form at
a cathodic current density of 5000 \jA/cra.p-. Therefore a surface hydride
is most certainly formed before the forward scan is complete. If the
reaction mechanism changes when it forms then the Tafel slope should
change. No such change is observed on Figure 17- In fact, the Tafel
slope is still the same on the back scan. (2) The visual observation of
the surface after the test of Figure 17 shows that the surface has a
dull, grey appearance and looks much rougher. Thus the increase in
current could be explained by a roughening of the surface of a hydride
which is already present at the beginning of the test.

The appearance of a surface layer which causes a change in the
reaction mechanism is illustrated in Figure 18. This experiment was run
using a platinum counter electrode. Platinum will dissolve in concen-
trated hydrochloric acid if a high positive potential is applied to it.
In the experiment, when the potential of the titanium wire reached about
-850 mV(SCE) the potential of the platinum electrode was pushed up to
its dissolution value. The platinum ions which formed were then rapidly
plated out on the titanium due to the negative potential there. Hydrogen
reduction on a platinum surface occurs by a different mechanism and is
much faster than on titanium. This accounts for the change in slope and
the sharp increase in current.
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2. Cathodic Embrittlement

When Ti-8-1-1 wires are exposed to 5N HC1 solutions at potentials
from the corrosion potential downward (active direction) their surface
appearance.changes.

The surface of the wires becomes darker as the exposure time
increases. After a long exposure under open circuit conditions (2 days)
agitation of the immersed wire results in the loosening of a black
powdery substance from the surface. Specimens removed from the solution
and stored in air appear to retain their darkened surface appearance
indefinitely. The time required for the metal surface to darken is a
function of potential. The more negative the applied potential the.
faster the surface darkens.

Concurrently with the darkening of the metal surface embrittlement
of the wires occurs. Since the exposure, of the wire specimens to the
5N HC1 solution was conducted in the straining cell connected to the .
Instron machine, static tests could be interrupted at any time by dynamic
straining without any change in electrochemical conditions. A common
procedure then, was to expose a specimen at a particular potential for
a specified length of time, then strain, keeping the potential constant.
Evidence of embrittlement was a flat fracture surface (easily distin-
guished from the normal ductile tearing type fractures which.are accompa-
nied by necking) , low ductility as measured by per cent elongation, and
the presence of cracks on the wire surface.

As the applied potential was moved in the active direction a strik-
ing decrease in the exposure time necessary to embrittle was observed.
A 30 minute exposure at -1500 mV(SCE) produced a more embrittled condi-
tion (the wire surface was covered with cracks and the specimen broke
before it reached the yield) than a 6 hour exposure at -850 mV(SCE)
(only a few surface cracks were observed and the elongation was 2<$).
Tests run under open circuit conditions and at -7*K) mV(SCE), and -1000
mV(SCE) confirmed this trend. Visible, hydrogen evolution from the wire
surface occurred at all applied potentials. (No visible hydrogen bubbles
were seen under open circuit conditions.) The rate of hydrogen bubbling
increased as the applied potential was made more active. This was accom-
panied by an increase in the cathodic current. The most logical expla-
nation of the phenomenon is that part of the hydrogen produced by the
reduction of protons entered the lattice and embrittled the wire. It
could be argued, however, that the embrittlement was the result of an
anodic dissolution process which occurred during exposure. Anodic
reactions are certainly possible at the potentials of interest and are
likely occurring. An experiment was run in the present investigation, .
however, which, it is believed, leaves no doubt that the embrittlement
is due to hydrogen. In this experiment two identical wires were exposed
to 5W HC1, under open circuit conditions, for 3 days. The wires were
then removed from the solutions. The surface of both specimens was
darkened as described above. One of the specimens was then bent manually
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and found to break in a "brittle fashion with very little ductility. The
other specimen was placed in an envelop and left in the air at room
temperature for 15 days. It was then bent in the same manner as the
first specimen and found to have recovered nearly all of its initial
ductility. The surface of the wire was still dark but the embrittlement
had disappeared. It would appear virtually impossible for corrosion
damage to reverse itself during aging in air whereas absorbed hydrogen
could certainly diffuse out of the specimen.

A detailed look at the processes occurring during embrittlement may
help in understanding the nature of the phenomenon, particularly the
role of cathodic overvoltage in increasing the rate of embrittlement.

When a cathodic potential, say -850 mV(SCE) is applied to the
titanium wire in 5N HC1 solutions, three events are known to occur.
They are the absorption of hydrogen into the metal, hydrogen evolution
on the metal surface, and hydride formation on the metal surface. The
latter reaction should occur quite rapidly and therefore the other
reactions can be assumed to be occurring on a hydride surface. As dis-
cussed in Chapter I, the mechanism of the hydrogen evolution reaction
should be the same on a hydride surface as on the base metal. Therefore
the evolution reaction should consist of the following steps (see
Chapter I, section 8):

(8) Ti + H+ + e" $ Ti-Hads (discharge)

(9) Ti-Ha(is + H+ + e~ <± Ti + H2t (desorption)

with the desorption reaction being rate controlling.

The sequence of events for hydrogen embrittlement are as follows:

(8) Ti + H++e- STi-Hads

(33) Ti-Hads £ Ti-Habs

(34) (Habs'surface «̂  (Habs/interior .

The discharge reaction again occurs first. The adsorbed hydrogen is then
absorbed into the metal (reaction 33) and diffused into the lattice
(reaction 3*0 •

Considering the two sequences, gas evolution, and embrittlement
together, it is clear that the relative rates of reactions 9 and 33 are
critical. If embrittlement is to occur then the adsorbed hydrogen must
be absorbed before it is reacted with a proton to evolve gas. Reaction
3^ is not critical for static electrodes because it can be safely assumed
that once hydrogen is absorbed into the metal it will diffuse into the
lattice. However the rate that it diffuses, which is controlled by the
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concentration gradient and thus by reaction 33, is critical in deter-
mining the role of hydrogen in the propagation of a stress corrosion
crack.

Reactions 8 and 9 are electrochemical and their rates can be
described by a general kinetic expression. To simplify the discussion
a net cathodic current is taken as positive

— > <—
(35) inet = ic - ia = * --

1

For the discharge reaction (reaction 8)

(36) ia = (1-0) V ?8 e

where 9 = fraction of surface covered by adsorbed hydrogen

GJJ+ = concentration of protons in solution near the metal
interface,, moles /cm2

T] = overpotential, i.e. departure of the applied potential
from equilibrium, volts

k8 = the electrochemical rate constant for reaction 8 in
the forward (cathodic) direction.

(See the Appendix for a more complete description of the terms, in the
equation.) Similarly for the desorption reaction (reaction 9)

T* t~
ig = ig - ig

(37) 19 = 0 *9 e-PlWRT . (1.e) £,

The composite hydrogen evolution reaction i.e., 2H"1" + 2e~ <- H2 is
in equilibrium at a certain reversible electrode potential Ê |v- But
at equilibrium the rate of reaction 8 in the forward direction must equal
the rate of reaction 9 in the forward direction since they are consecu-
tive reactions and must go at equal rates under any steady state condition.
Therefore the respective rates in the back direction must also be equal
because the total forward rate must equal the total back rate. Hence
both reaction 8 and reaction 9 are in equilibrium at the reversible
electrode potential' E£| . For a 5N HC1 solution of pH = -0.?, Ê|v =

-200 mV(SCE). The overpotential can be expressed by the following
equation:

(38) T, = E -
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where E - the applied electrode potential. So at -850 mV(SCE),
T]S = T]9.= -650 mV.

The total current that is measured at any applied potential is the
sum of the individual currents for the separate reactions. Here, the
total current is

(39) IT = (5s + ̂ 9) - (is + 19)

where the individual currents are given by equations 36 and 37. But if
T] = -650 mV is put into the equations it becomes obvious that the rates
of the back reactions are negligible compared to the rates of the
forward reactions. Hence

IT- (1-0) CH+ ke e-<-'ie/- + 0CH+

Nowy as time passes from the initial application of the potential, say
-850 mV for example, each reaction (discharge and desorption) will go
at its own rate. However, since the reactions are consecutive they must
depend on each other. For example, if the discharge reaction proceeds
more rapidly than the desorption reaction, a condition will soon be
reached where a.n the adsorption sites are full. Then the rate of
reaction 8 must slow down to await more sites. This in fact is the condi-
tion which exists on Ti as mentioned previously. Therefore a steady
state condition should be reached where ie = ig. This steady state
should result in a large 0 and thus a rapid embrittlement rate by reac-
tion 33.

Writing out the terms for the steady state condition produces a
very interesting result.

is = ig :. .

(1-0) CTT+ kQ eXp "P HP = 0 G.J+ kg 6Xp

RT

rearranging
'. —* : •

: 1 - 0 k 2 . . ' • ; . ' • • '

The ratio of the covered surface to the uncovered surface is a constant
and not a function of overpotential. An increase in overpotential would
increase the rates of both discharge and desorption and thus the rate of
hydrogen evolution but it would not change the concentration of hydrogen
on the surface and thus would not change the diffusion rate of hydrogen.
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This result is very important because it indicates that the large
increase in the rate of embrittlement with overpotential cannot be
accounted for by a change in the amount of adsorbed hydrogen.

For simplicity, the above analysis was carried out assuming Langmuir
type adsorption. This adsorption model assumes that there is no inter-
action between adsorbed species. A more rigorous model is the Temkin
adsorption isotherm which considers interaction between adsorbed particles.
Substitution of this isotherm in.the above development results in a
slightly more complicated equation for the fractional coverage (equation
hi) but does not introduce an overpotential dependence.

The most logical explanation of the overpotential dependence of the
embrittlement is that it is related to changes in the surface oxide. As
was indicated previously there is strong evidence that oxides are present
on titanium even during "active" dissolution. The presence of an oxide
film would lower the hydrogen evolution rate because of the low elec-
tronic conductivity of the oxide. It would also act as a diffusion
barrier for the nascent hydrogen and thus lower the rate of embrittle-
ment. In 5W HC1 the passive oxide, Ti203-3-U Ti02, is not stable at the
potentials where embrittiement occurs. The oxide present at these poten-
tials would be a lower oxide, likely TiO or Ti203. The thickness.of the
oxide would vary with the applied potential, becoming thinner as the
potential is made more negative until finally it is reduced completely.
These oxides (Ti203 and TiO) are not reduced to titanium metal until a
potential of about -1500 mV(SCE) is reached. However, they are reduced
to the hydride (Tin) at much more noble potentials, -892 mV(SCE) for
TiO and -1012 mV(SCE) for Ti203 (see Table l).

The effect of oxide films., in reducing the hydrogen evolution rate
and slowing down the embrittlement was demonstrated very graphically in
another experiment. In this test one specimen was switched to a poten-
tial of -850 mV(SCE) directly from the active corrosion potential
(-680 mV) and held for 6 hours. Another specimen was first polarized
at +500 mV(SCE) for 2 hours to form a thick passive film. Then it was
switched directly to -850 mV from the passive potential and held for
6 hours. The cathodic current flowing to each specimen while at -850 mV
is plotted in Figure 19- The specimen without the passive oxide supports
a much higher hydrogen evolution current. Also the rate of bubble forma-
tion on the surface was different enough to be visably lower on the pas-
sivated specimen. After the 6 hour period each specimen was strained to
failure while still at -850 mV at a strain rate of 10̂ /min. The unpas-
sivated specimen was embrittled;. it had numerous surface cracks and only
2% elongation. The passivated specimen was not embrittled; it had an
elongation of 8.2$, and no surface cracks.

These results clearly demonstrate the effectiveness of the passive
oxide in reducing the rate of hydrogen embrittlement. However they pose
another question. Why didn't the oxide dissolve during the long 6 hour
exposure at -850 mV(SCE)? If a specimen is left at open circuit in the
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5N HCl after a 2 hour polarization at +500 mV the passive film will dis-
solve naturally in less than one hour. Since the films are formed
electrochemically, an applied potential of -85Q mV would be expected to
hasten the process. To help clarify the situation SEM pictures of the
surface of the two wires which produced the behavior of Figure 19 were
taken. Figure 20 shows the embrittled wire and Figure 21 the passivated
one. The surface appearance of the two wires is clearly quite similar.
Since a hydride is certainly present on the surface of the embrittled
wire, this suggests that a hydride formed on top of the oxide and pro-
tected it from dissolving. The reaction of an oxide directly to a
hydride is not unreasonable and could occur at -850.mV(SCE) (see Table
1, reactions s - z).

When a specimen with an air-formed film was put at -850 mV directly
from its passive corrosion potential (-100 mV(SCE)) no passivating
effect was found and the specimen supported a large cathodic current
similar to the top curve of Figure 19- This could be because the air-
formed film was thinner than the solution-formed film and dissolved too
quickly. Air-formed films have been found to be quite thin (Chapter I,
section h} . Or this could be verification of the observation by other
workers (Table 2) that the air-formed film is not the same as the solu-
tion-formed film.

Figure 22 shows a SEM picture'of.the fracture surface of the unpas-
sivated specimen which produced the upper curve of Figure 19. Two dif-
ferent-fracture modes are in evidence. Around the outer edge of the wire
the fracture is very flat corresponding to a brittle .fracture mode while
in the center the fracture shows ductile characteristics. A fairly clean
demarcation line can be seen between these two regions. The distance
from the outer edge of the specimen to the point where the fracture
becomes ductile is thus an effective embrittlement distance. It repre-
sents the distance over which the hydrogen was able to embrittle during
the 6 hour test. By knowing the actual diameter of the wire and measur-
ing the distances across the picture the embrittlement distance, x, was
found to be 6.98 x 10~3cm. Using the equation x2 = 2Dt to give a rough
calculation of what the effective diffusion distance should be, it was
discovered that if hydrogen diffused only in the alpha phase
(D• = 2 x 10-11)153 it should not have penetrated nearly so far. In
fact the distance from alpha diffusion was almost 2 orders of magnitude
too low. This calculation gives only a very rough estimate of the pene-
tration distance because it does not take into account the concentration
gradient which actually determines the diffusion rate. However it does
indicate that the hydrogen was embrittling to a much greater distance
than would be expected.

To check this effect, a more detailed calculation was made using
the solution of Ficks Second Law for a semi-infinite circular cylinder.
A graphical solution of the diffusion equation can be found in Crank154

assuming diffusion in the radial direction only. The boundary condi-
tions for the solution are a constant surface concentration and an ini-
tially uniform internal concentration. In making this calculation the
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Figure 20 - Scanning Electron Micro-
graph of the Surface
Appearance of the Unpas-
sivated Wire which Produced
the Upper Curve of Figure 19;
Strained at lO/0/min. 2000X
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Figure 21 - Scanning Electron Micro-
graph of the Surface
Appearance of the Passivated
Wire which Produced the Lower
Curve of Figure 19; Strained
at 10̂ /min. 2000X
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Figure 22 - Scanning Electron Micro-
graph of Fracture Surface
of the Unpassivated Wire
which produced the Upper
Curve of Figure 19;
Strained at 10̂ /min. 100X
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concentration gradient was maximized so that the penetration distance
would represent the largest possible diffusion distance. The conditions
imposed were as follows: (l). The initial concentration of hydrogen was
given in the wire specifications as 8 ppm or 3.6l x 10~5moles/cm3.
(2) The surface concentration was taken as the largest possible hydrogen
concentration. This would be when all the tetrahedral holes are filled
with hydrogen, and corresponds to the composition of the highest hydride,
TiH2 • The value is 0.188 moles/cm

3. (3) The final internal concentration
at the point where the fracture mode changed was taken as 200 ppm or
9.02 x 10~4 moles/cm3. This value was given by Boyd137 as a minimum
amount of hydrogen needed to embrittle the metal via precipitation of
hydrides. The penetration distance corresponding to these boundary
values was determined from the graphical solution of Ficks Second Law
(see Crank154) using the dimensionless parameter Dt/a2 where D is the
diffusivity, 2 x 10~i:Lcm2/sec; t .is the diffusion time, 6 hours; and a
is the radius of the wire, 2.51 x 10~2cm. Using these values the pene-
tration distance was definitely found to be less than the measured dis-
tance of embrittlement. This calculation leaves no doubt that the dis-
tance over which brittle fracture occurred cannot be accounted for by
diffusion of hydrogen only in th'e\alpha;.phase.

This conclusion .is emphasized by the fact that the concentration
gradient was maximized. A surface concentration of 0.188 mole/cm3

would be about 50,000 ppm - a tremendous concentration. Further, the
minimum concentration for embrittlement of 200 ppm was obtained for
strain induced precipitation of hydrides at low strain rates.137 Since
the wires were strained at a fairly rapid strain rate (10̂ /min), this
concentration should undoubtedly be higher.

There are three possible explanations for the large embrittled dis-
tance. One is that the hydrogen diffused in part through the regions of
beta phase and along the grain boundaries. Since the grain size in the
Ti-8-1-1 wires was so small (see Figure 6) this could significantly
increase the penetration distance. Another is that the hydrogen induced
brittle fracture near the surface, and the cleavage cracks, thus produced,
then propagated further into the metal. Finally, it is possible that
the value for the diffusivity is in error. The experiments to determine
diffusivity, described in a paper by Wasilewski and Kehl,153 were run
between 500 and 82̂ °C. The extrapolation to room temperature could intro-
duce an error. Also, a careful reading of their paper shows a lack of
agreement between their experimental points and a theoretical curve at
high hydrogen concentrations. The authors153 were aware of this dis-
crepancy and pointed out that the diffusivity could increase markedly at
high solute concentrations, above 5 at.% (1100 ppm).

3. Straining Response . :

Since the tip of a propagating stress corrosion crack is in a state
of dynamic yielding, the straining electrode experiments were undertaken
to simulate this condition. Experiments of this nature have been con-
ducted to study the cracking of Fe-Cr-Ni alloys130'167'168 but very



little information is available for titanium alloys - none in aqueous
solutions. The purpose of the experiments was to study the electro-
chemical changes which occur when a static, steady-state, situation is
interrupted by dynamic straining, and. to relate these changes to the
surface films and ultimately to stress corrosion cracking.

Before the electrochemical response to straining is considered in
detail a brief description of the mechanical behavior of the Ti-8-1-1
wires is pertinent.

a. Mechanical Behavior

Figure 23 shows the load elongation curve for Ti-8-1-1 wire speci-
mens fractured in air at a strain rate of 10̂ /min. The curve exhibits
a yield point followed by a very low rate of work hardening during
plastic deformation. When specimens are strained in the solution the
yield point is less pronounced as shown in Figure 2̂ . Sharp yielding at.
a definite stress level should produce a large amount of dislocation
activity in a very short period of time. Therefore, a large area of
fresh surface should be abruptly produced at the yield. This effect
produces a fluctuation in the current versus time curves as will be seen
later. Straining in the solution reduces the amount of plastic elonga-
tion somewhat from 10-11% in the air to an average of 8-9$ in the solu-
tion.

Increasing the strain rate to 100%/min raises the yield load
slightly but does not alter the general shape of the load-elongation
curves for either air or solution straining.

Figure 2U represents the mechanical behavior of specimens strained
in the anodic potential range. In this range gross changes of the metal
surface do not occur. However, as discussed previously, the surface
undergoes pronounced changes when held at a cathodic potential. These
changes result in a lower yield point. This is illustrated in Figure 25
which is for a specimen held at -1000 mV(SCE) for one-half hour.

In determining the electrochemical straining response the main
experimental variables were strain rate and applied potential. The
straining response was assessed by monitoring the current change, as
a measure of the reaction rates, at constant applied potential and by
monitoring changes in the corrosion potential under open circuit condi-
tions. The general procedure was to switch to the potential of interest
from the "active" corrosion potential and, if possible, allow a steady
state condition to be reached. The specimen was then strained at a
given strain rate until an elongation of four per cent, measured from
the yield point, was obtained. Dynamic straining was then stopped and
the current response was allowed to decay while the specimen was still
loaded. After a time the load was released and further current changes
were measured.
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Figure 25 - Load versus Elongation Curve for a Specimen Held
at -1000 mV(SCE) for One-Half Hour, Then Strained
at 10fo/Min.

92



b. Anodic Region

Initial experiments were run in the anodic region. This region is
taken to include all potentials noble to the "active" corrosion potential.
These results should be analyzed with reference to the anodic polariza-
tion curves (Figures 11-13).

Figure 26 shows the current response to straining at a potential of
+200 mV(SCE). The specimen was held for two hours at the potential
before straining. The strain rate was 10f0/min. At +200 mV the metal is
quite passive and the base current density before straining, ±s, is quite
small (3-8 fiA/cm2). The straining starts at the axis and the A i values
represent the change in current density, i.e., the observed current den-
sity minus the static base current density. The current begins to
increase slightly before the yield and increases sharply at the yield.
This figure was traced exactly from the experimentally recorded current
versus time curve to show the serrated current behavior which is charac-
teristic of the straining response in the anodic region. The decrease
in current at the beginning of plastic flow is related to the initial
yielding as discussed above. As such, it disappears if the specimen is
unloaded and strained again.

As the straining continues the current increases again but tends
to reach a saturation value and level out. The saturation of the current
can be understood by considering the straining process to be composed of
single slip events each of which produce a unit area of fresh surface.
At a given strain rate .the number of these slip events per unit time can
be assumed to be constant. This situation was considered in detail by
Murata74 and is illustrated in Figure 2?. .As each unit area of fresh
surface is exposed an anodic current spike of magnitude Al° occurs due
to the increase in the dissolution rate. As time passes this unit area
becomes passivated and the dissolution current decays. The total current
is the sum of the currents from each of the slip events. As the figure
shows each slip event adds to the total current until a situation is
reached where the first unit area is completely passivated. From that
point on a steady state exists and the current saturates at a value Alm.

When the straining is stopped the current density decays smoothly
and takes a relatively long time to reach steady state. This corresponds
to the formation of the reasonably thick passive film which is stable at
this potential. .

Release of the load produces a discontinuous change in the current.
This occurs in all the straining tests regardless of the potential. At
potentials of -700 mV(SCE) and above the current discontinuity is in the
anodic direction and is followed by a smooth decay curve. The discontin-
uity shown in Figure 26 is a typical example. At these potentials the
perturbation is thought to be due to the rupture of portions of the newly
formed film by putting it into compression when the specimen is unloaded.
This hypothesis is supported by the fact that the discontinuity is larger
when the load is released suddenly.
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Figures 28, 29, and 30 show the straining response at other poten-
tials in the anodic region. These figures were plotted from the recorded
data and thus do not show the serrated straining behavior although it is
present in all three cases. Figure 28 shows the response to straining
at a potential just at the start of the passive region, -200 mV(CCE).
The final passive oxide is not present here and the base current density
is larger, about 11 ̂ A/cm2. The general characteristics of the response
during straining are quite similar to the +200 mV test with a slightly
lower saturation current. However when the straining is stopped, the
current decays more rapidly to a minimum value then increases again. The
same tendency for the current to go through a minimum during repassivation
occurs after the load is released (assuming that the film was ruptured
again).

Straining tests were also run in the "active" region. Figure 29
shows the response at -U?0 mV(SCE) which is at the peak of the anodic „
polarization curve and Figure 30 shows the behavior at -600 mV(SCE) which
is just above the "active" corrosion potential. As the figures show,
the straining response is essentially the same as in the "active" region.
A smooth decay occurs in both cases after straining is stopped. Release
of load produces an anodic discontinuity followed by another smooth decay
at both potentials. The same tendency for these decay curves to go
through a minimum which was seen at -200 mV also occurs at -lj-70 mV and
-600 mV. At first glance it appears that in the active region especially
at -U?0 mV the current does not decay back nearly so far when straining
is stopped as is does in the passive region. This illusion occurs in the
plotted graph because the base current is much larger in the active
region than the passive region. For example the current density at the
minimum of the decay curve in Figure 29 is about 11$ above the base cur-
rent while the current at the minimum of the decay curve in Figure 26 is
about 25$> higher than the base current.

The similarity of the straining curves in the "active" and passive
regions is strong evidence that there is an oxide film on the surface of
the titanium even in the "active" region. It could be argued, however,
that the increase in current during straining is due only to an increase
in the dissolution kinetics and that the decrease after straining is
stopped is from the decay of this transient. But this effect, while it
undoubtedly occurs especially at high strain rates, should die out very
fast, in less than a second, and thus cannot account for the relatively
slow decays which were observed.

The magnitude of the current response to straining in the active
region was a marked function of strain rate. Figure 31 is a plot of the
current increment versus strain for wires strained at +200 mV at different
strain rates. (Due to the scale of the graph, the current relaxation
which occurs at the yield cannot be shown for the smaller strain rates.)
Even though the total plastic strain is the same in each case the current
change is much larger at faster strain rates. This increase is related
to the relative rates of passivation and of production of fresh surface.
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The latter rate will increase with strain rate while the former should
remain constant. Thus at high strain rates more surface is produced per
unit time and the current is higher. It is important to note, however,
that even at a strain rate of 100%/min the current transient has a tend-
ency to reach a limiting value. This gives an indication of how very
fast the rate of passivation is on a titanium surface.

Changes in the active corrosion potential were also monitored during
straining. It was found that straining shifts the potential in the nega-
tive (less noble) direction. The more rapid the strain rate the greater
the change. At a strain rate of 100̂ /min the change is ahout 30 mV.
The shape of the potential versus time curve while straining is similar
to the current versus time curves for straining in the passive region
(Figure 26). In other words, there is a sharp decrease in Ecorr at the
yield which is usually followed by a relaxation. Then, as the straining
continues the potential decreases again but tends to reach a saturation
value and level out. When the straining is stopped the potential decays
back (noble direction) to its original value before straining. When the
load is released there is a potential discontinuity in the negative
direction. If the straining is continued to fracture the potential
shifts sharply in the negative direction as the wire breaks.

A shift in the corrosion potential is evidence that straining pro-
duces a change in the actual reactions that are occurring. If the cur-
rent densities of the original anodic and cathodic reactions that make
UP Ecorr remained the same and only the area increased there would be no
change in the corrosion potential during straining. A negative potential
shift implies faster anodic reactions. This would be expected when a
film covered electrode is strained because fresh uncoated surface is
exposed to the solution and dissolution rates are much faster on a fresh
surface. However as time passed the new surface would become passivated.
Thus, saturation of the potential shift would be expected similarly to
the saturation of a current response. The discontinuity in Ecorr in the
active direction .when the specimen is unloaded can be explained by the
rupturing of the newly formed film by putting it into compression. Thus
the response of the corrosion potential to straining also lends support
to the hypothesis that the titanium is covered by a film even in the
"active" condition.

With the available information it is not possible to determine
whether or not a hydride was formed on the fresh surface during strain-
ing at open circuit. The formation of a hydride is a cathodic reaction
and would cause a noble potential shift. However the amount of current
expended in forming a thin hydride layer would not be large and it could
easily be overshadowed by the anodic dissolution current.

c. Cathodic Region

Determination of the straining responses of titanium in the cathodic
region is very important from the standpoint of stress corrosion cracking
because it is in this potential range that the susceptibility is the
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highest. Of particular interest are the changes which may occur in the
various anodic processes. Reference back to Table 1 shows that a myriad
of anodic reactions can occur at potentials below the "active" corrosion
potential especially when a fresh surface is exposed to the solution.
Unfortunately an accurate determination of these anodic responses is very
difficult to make due to the rapid rate at which the hydrogen reduction
occurs at these potentials. This cathodic current is so large (see Fig-
ure 15) that anodic responses are often completely masked.

Even an accurate measurement of the response to straining of the
hydrogen reduction reaction itself is difficult due to complications
from the surface.changes which occur when a cathodic potential is
applied. Hydrides form and thicken, hydrogen is absorbed into the metal,
and the surface becomes darker and rougher in appearance. These surface
changes occur continuously with time after the application of a cathodic
potential. As a result, a steady state situation,, from which a quanti-
tative measurement of straining response can be made, is never obtained.
The cathodic current increases from the time the potential is applied
until the wire becomes too embrittled to strain. Also the magnitude of
the measured static current varies noticeably between specimens. This
is not surprising since the degree of roughening of the surface due to
corrosion and hydrogen absorption would not be expected to be consistent
from specimen to specimen.

Another factor which could contribute significantly to the current
differences is the uneven growth of the surface hydrides. The rate of
growth of surface hydrides during cathodic charging was studied by
Tomashov et a.!.83)152 in sulfuric acid solutions. They found that while
the hydrides grew uniformly on pure titanium they grew very unevenly on
a Ti-U.35 Al alloy with large differences in thickness from specimen to
specimen.

Even though the magnitude of the current is not completely predict-
ible from test to test the general shape of the current time curves dur-
ing straining is reproduceable and definite trends in the current
response as a function of potential and strain rate were observed.

Figure 32 shows schematically the current response to straining at
-700 mV(SCE). This potential is just negative of the "active" corrosion
potential. The cathodic current density flowing at this potential is
reasonably small, about 130 (jA/cm2. The current levels off as straining
begins which indicates an anodic response in the elastic range. As the
metal yields the current begins to increase cathodically again. It con-
tinues to increase as the metal plastically deforms. When the straining
is stopped the current decays smoothly in the cathodic direction. This
decay is over in a few seconds and the current continues to increase
cathodically as it did before straining. The same anodic discontinuity
which occurred in the anodic region is again seen when the load is
released.
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The decay in the cathodic direction when straining is stopped may
appear strange but is the result of the fact that the applied potential
is near the corrosion potential and thus the measured straining response
contains both anodic and cathodic parts. This is illustrated in Figure
33- The measured current is the algebraic sum of the anodic and cathodic
currents. The anodic response is a transient one and dies out when the
straining is stopped due to repassivation. The cathodic response on the
other hand is probably mostly due to the increase in area of the specimen.
These factors produce the observed decay. The observance of a similar
decay for nickel wires strained in sulfuric acid at a potential just
below Ecorr was explained analogously by Murata.

74

Figure 3̂  is another schematic diagram showing the response to
straining at -850 mV(SCE). At this potential a much larger cathodic
current is flowing, about -2500 nA/cm2. The current response during
straining is similar to that at -700 mV. There is a slight decrease
(anodic response) in the elastic range followed by a steady cathodic in-
crease during plastic deformation. When the straining is stopped, there
is a slight decay in the anodic direction. This is due to a relaxation
of a cathodic transient. The fact that it is so small indicates that most
of the current response is due to the increase in the area of the speci-
men. The absence of a cathodic decay, like that seen at -700 mV means
that the anodic responses are too small, relative to the large cathodic
current, to be detected. Anodic reactions are still occurring as is
evidenced by the anodic response in the elastic region. At this poten-
tial release of the load produces a discontinuity in the cathodic direc-
tion. The reason for the change in direction of this discontinuity is
not clear.

. Tests at -850 mV were run at strain rates of 10, 30, 50 and 100̂ /min.
Faster strain rates produced noticeably larger cathodic responses. At
100̂ /min Aic was about 900 |j.A/cm

2. The anodic response in the elastic
range increased slightly as the strain rate increased, from an average
of 12 nA/cm2 at 10̂ /min to 25|oA/cm2 at 100$/min.

Figure 3̂  is typical of the straining response at potentials between
-800 mV and -900 mV(SCE). However when a potential of -1000 mV(SCE) is
applied.the-response is markedly different. Instead of the expected cur-
rent change in the cathodic direction the response is entirely anodic.
Figure 35 is a copy of the recorded current response as a function of
time for a specimen strained at this potential. As the figure shows
there is an anodic response in the elastic region which continues after
yielding. This implies that an anodic reaction is occurring on the
freshly produced surface. The magnitude of this current is quite large
compared to normal anodic currents (see Figure 11). The only reasonable
explanation for this odd behavior is that the oxide film does not reform
when it is ruptured at this potential. From Table 1, an oxide film
could form directly from the fresh surface. However, oxidation of a
hydride layer would be very difficult at -1000 mV (reactions s - z,
Table l). Therefore if a hydride layer formed first on a freshly exposed
surface, then an oxide would not likely form on top of it. This is very
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possible since hydride formation would be extremely fast under these
conditions. The hypothesis that fresh surfaces are not repassivated is
supported by the current behavior after straining is stopped. A smooth
current decay which is always associated with repassivation is not
observed. (Occasionally the current will drift in the cathodic direction
after straining is stopped but the characteristic repassivation decay
such as that seen in Figures 26, 28, 29, 30 and 32 is never observed.)
Also, numerous other workers839">15Y have measured increased dissolution
rates at cathodic potentials and have associated the phenomenon with the
reduction of surface oxides.

When the load is released the current shifts abruptly back in the
cathodic direction. This discontinuous shift is clearly a mechanical
effect rather than a chemical one. Its magnitude is exactly equal to
the current change in the elastic region. This implies that the elastic
response was mechanical in nature. The cause of this behavior is not
clear but a plausible explanation is that when the wire is strained,
cracks form in the surface layer at stresses in the elastic range. These
cracks would be sites for anodic dissolution. When the yield is reached
plastic deformation is likely to occur at localized areas on the metal
surface, particularly since the thickness of the hydride film is uneven.
Therefore, during the four per cent plastic strain many areas of the
surface may not undergo extensive deformation. When the load is released
the metal contracts and tends to close up.the cracks in the surface layer
on these areas.

As was mentioned previously, the current flow in the cathodic region,
both static and dynamic, varies from specimen to specimen. Therefore
the exact response depicted in Figure 35 is not always observed. At a
s.train rate of 10%/min, the anodic response in the elastic region is
occasionally followed by a cathodic response after yielding. Also the
magnitude of the anodic responses varies from specimen to specimen.
However unlike at -850 mV a net cathodic response never occurs. Further,
if the strain rate is increased to 100%/min then the response is always
totally anodic (as in Figure 35) and cathodic shifts after yielding are
not observed. .

Straining at the faster strain rate does not significantly alter
the magnitude of the currents but'it does increase the size of the dis-
continuity which occurs at the yield.

Since embrittlement of the titanium wires occurs after exposure for
about ^5 minutes at -1000 mV(SCE), an effort was made to determine if
the straining response varied as the embrittlement progressed. Specimens
were strained after being held at -1000 mV for varying times up to ̂ 5
minutes. Analysis of the results showed no noticeable trends in the
straining response as a function of time.

During the course-of the straining experiments in the cathodic
range many specimens were broken while being strained in the 5N HC1 solu-
tion. Most of the fractures occurred after'short exposure times in the
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solution and thus were ductile. However, surprisingly, not one of these
ductile failures occurred in the solution. Failures always occurred
under the microstop-silicone sealant coating. If the exposure time
before straining was long enough for the wires to become embrittled then,
of course, the fracture occurred in the solution. On the other hand, in
the anodic region the failures were always ductile and appeared to occur
randomly on the wire, some in the solution, some under the coating.
Apparently the surface hydride layer was mechanically stronger than the
base metal and forced the failure .to occur under the coating.
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VI. MECHANISMS

1. Initiation

Crack initiation has long been an elusive factor in the stress cor-
rosion cracking of titanium alloys in aqueous solutions. If crack propa-
gation is defined as beginning when an actual crack exists in the metal,
then initiation would be the process of creating the crack from the
initial oxide-coated surface. Plausible mechanisms for the propagation
of an existing crack are easily formulated because the crack is separated
from the bulk electrolyte. Therefore concentration changes can occur
and stress risers are present. But the initiation process must occur in
a neutral salt solution where the passive film is very adherent and pro-
tective. Further, this film is reformed so rapidly when it is ruptured
that it is very difficult to develop any concentration changes, even at
localized slip steps. This is why very few workers have been able to
initiate cracks in unnotched titanium specimens.

.The results of the present investigation indicate that surface
hydrides may play a critical role in the initiation process. Hydrides
can be formed from the surface oxides or they can form when the film is
ruptured. Their postulated role in initiating cracks comes from the
fact that they form unevenly on Ti-Al alloys and tend to be preferred
sites for the hydrogen evolution reaction. If hydrides form prefer-
entially on certain grains or on, say, alpha grains rather than beta
grains, a small galvanic cell could be set up. Since the cathodic
hydrogen reaction would occur on the hydride the anodic counterpart
could be concentrated elsewhere. Owen143 observed this type of local-
ized reaction for Ti-6Al-Uv specimens in 5N HC1. Figure 36 shows a scan-
ning electron micrograph of a specimen held at -7̂ 2 mV(SCE) for h hours.
The holes, which developed at beta phase regions, could be formed from
localized attack or they could simply be surface areas that remained
uncoated by the hydride. In either case they are tiny crevices in which
the concentration changes and stress risers necessary for crack propa-
gation can develop. (The blocky particles which appear in the figure
were suggested to be particles of diamond polishing compound.)143

The fact that hydrides form evenly on pure titanium could explain
why initiation is much more difficult on the pure metal than on the alloy.

The observed potential dependence of crack initiation can also be
explained by a hydride mechanism. Crack initiation.is most rapid between
potentials of about -1000 mV(SCE) and 0 mV(SCE). At noble potentials
initiation would be prevented because hydrides do not form. At very
negative potentials the driving force for hydride formation would be so
large that the whole surface may be covered and localization thus pre-
vented.
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Figure 36 - Scanning Electron Micro-
graph of Ti-6-U Alloy
Surface after U hours at
a Potential of -lk2 mV(SCE)
in 5N HC1. (Ref.
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It must, of course, be remembered that the localized situation of
Figure 36 was developed in a strong acid solution in which the passive
oxide is not stable and therefore is not directly applicable.to neutral
solutions. However, hydrides can be formed in neutral solutions by
cathodic charging.7 Over a period of time this could lead to a local-
ized situation. Consider for example a passivated Ti-8-1-1 specimen.in
neutral 3.5$ NaCl. Assume surface hydrides form unevenly on the oxide
surface. This is illustrated schematically in Figure 37. The result of
this situation is that the hydrogen evolution reaction would again occur
preferentially on the hydride. The anodic reactions, which .would be
mainly oxide formation and growth, would occur on the oxide surface.
But a product of the oxide reactions is protons (Table 1, reactions h-p).
Thus the solution at the surface between the hydrides would become more
acidic. Rupture' of the film at these points would then result in slower
repassivation. Also if the hydrides are mechanically stronger than the
oxide the surface may tend to be ruptured preferentially at points not
covered by hydrides. .

2. Propagation

The major disagreement in mechanistic considerations of the propa-
gation of stress corrosion cracks in titanium in aqueous NaCl is whether
the damaging specie is the chloride ion or the hydrogen ion. It is
impossible, with the information presently available in the literature>
to conclusively prove or disprove either theory. However, it is hoped
that the information developed in the present investigation may be help-
ful in this endeavor.

First, the results of the straining electrode experiments produce
no support for the existence of a large mechano-chemical effect. The
largest anodic current change that was measured during straining was
about 10 mA/cm2. Even if this current is assumed to be'flowing entirely
from the new surface produced by straining it yields a current density
of only 0.5 A/cm2. In order to project larger current densities very
localized dissolution would have to be occurring. Examination of speci-
mens subsequent to straining revealed no localized attack. It could be
argued that the small currents in the present tests were due to rapid
repassivation of the freshly exposed surface and that consequently bare
titanium was never allowed time to react at its intrinsic rate. This
is probably true but the environmental, conditions during the straining
tests were purposely made as aggressive if not more aggressive than
those at the crack tip (low pH and low 02 content). Therefore if passi-
vation occurred instantly, even at the very high strain rates of some of
the tests, then it should also occur at the crack tip.

The current density necessary to propagate a crack by anodic dis-
solution is about 600 A/cm2 for the velocities observed in aqueous
cracking of titanium. If a crack propagated through a specimen via
this huge current then the fracture surface should show gross evidence
of a prior corrosion reaction. But tests reported in the literature
indicate that the fracture surfaces show only evidence of brittle
fracture with no extensive corrosion damage.
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Figure 37 - Illustration of Proposed Initiation Mechanisms for Stress
Corrosion of Titanium Alloys in Aqueous Solutions.
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Thus, the absence of high current densities during straining in the
present investigation and the observations of the fracture surface made
by other workers make it very unlikely that cracks are propagated by a
pure anodic dissolution process. This is not to say that anodic dis-
solution, processes do not occur at the crack tip. In fact, there is
strong evidence that they are an important part of the total cracking
process. Also, these observations do not rule out the other "chloride
ion" theory, stress-sorption. This theory does not require a large
anodic current and could.produce the cleavage type fractures.

The. very rapid crack velocity can be explained easily by the stress-
sorption theory because it requires no solid state diffusion but only
adsorption of Cl ions at the crack tip - a process which should be quite
fast. The fast cracking can also be explained, with some difficulty, by
the hydrogen embrittlement theory if the propagation is assumed to be a
discontinuous process. The rationale is that a high hydrogen content in
the. metal at the crack tip may initiate a rapid burst of mechanical
cleavage followed by an arrest while the hydrogen accumulates again,
then another burst, etc. -

It is also possible that hydrogen may be diffusing faster than would
be anticipated from the published value of the diffusivity. As indicated
previously (Chapter V section 2) the diffusivity could increase at high
solute concentrations. In this connection, in a very recent paper,
Gray155 described a method of measuring hydrogen concentration profiles
near the surface using ion-probe mass-spectrometric techniques. He was
studying hot salt cracking of the Ti-8-1-1 alloy using stressed (creep)
specimens at a temperature of U2?°C. He measured a concentration of .
5̂00 ppm at a depth of O.ljj. for a profile taken near the fracture surface.
The concentration of hydrogen in the base metal was 90-126 ppm. The
results of the present investigation also indicated, although rather
qualitatively, that the effective distance over which hydrogen may
embrittle a metal is larger than can be accounted for by the published
diffusivity. ' ' '-'.

.To compare the stress-sorption and hydrogen embrittlement theories
from the point "of view of the electrochemical aspects of the cracking
process it is helpful to discuss an actual, actively propagating, crack.
First, consider a crack in a Ti-8-1-1 alloy propagating in sea water
under open circuit conditions. Brown122 has measured the pH at the crack
tip to be 1.7 for this situation. An obvious question which arises
immediately is how did the hydrogen concentration become so high at the
crack tip. The protons could not have diffused into the crack from the
bulk because their concentration in the bulk is very low. Therefore the
pro cons must be produced by a reaction at the crack tip. Protons could
be produced by the formation of an oxide or by the dissolution of
titanium to a titanium chloride followed by a. hydrolysis reaction.
Specifically,

(U2) xTi + yH20 -^ T i o ' + 2yH
+ + 2ye



or

(22) Ti + 3C1~ -».TiCla + 3e~ .

and

(23) 2T1C13 + 3H20 -» Ti203 + 6H
+ + 6d~ .

The first reaction is for the formation of an oxide from the base
metal. This can be applied to a propagating crack when fresh metal is
exposed. It is also important to note that protons are produced when
a lower oxide is oxidized to a higher one. Thus the availability of
bare metal is not necessary for the hydrogen ion concentration to in-
crease. The formation of higher oxides as a proton source is probably
most important during the initiation stage when the conditions for
cracking are being developed in a crevice. The second reaction is the
dissolution of titanium to the trichloride. This is followed by the
reaction of the trichloride with water to form protons and more chloride
ions. It is easy then, to account for the increase in the proton con-
centration at the crack tip.

In the stress-sorption theory the crack is propagating by the spe-
cific adsorption of Cl~ ions at the tip. The cracking rate then depends
on the availability of Cl~ ions. Initially they must diffuse into the
crack from the bulk solution although once an active dissolution process
is set up at the tip then the chloride ions can be recycled via reactions
(22) and (23). Since the supply of Cl~ ions should be continuous the
crack should propagate continuously.

In the hydrogen embrittlement theory the crack is propagated by the
.entry of nascent.hydrogen into the metal at the crack tip. The hydrogen
concentration must build up to a level such that it can initiate a cleav-
age crack. As discussed above this cleavage crack may then propagate a
distance into the metal before being arrested. The nascent hydrogen is
produced by the hydrogen reduction reaction which was discussed in detail
previously. The reaction will be written here as simply

(21) H+ + e~ -> H

The exposure of fresh metal to the solution as the crack propagates
will induce electrochemical reactions to occur. Reactions (U2) and (22)
are anodic and since they require bare surface they will occur at the
crack tip. But the cathodic reaction (reaction 21) must also occur at
the crack tip. This is because the electrochemical reactions will
always occur at the fastest possible rate, i.e., they will occur via a
reaction path which allows them to go the fastest. Under open circuit
conditions the rate of the anodic reactions must be equal to the rate of
the cathodic reactions. In other words the anodic reactions of passiva-
tion and/or dissolution, which want to go at a very rapid rate, must be
supported by an equally fast cathodic reaction. Further, each titanium.
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atom that takes part in an anodic reaction requires a minimum of two and
probably three or four electrons to be transferred. This means that
reaction (21) must occur two to four times for each titanium atom that
reacts. But as was seen in the present investigation the hydrogen reduc-
tion reaction occurs very slowly on an oxide coated surface. Therefore
if the reduction reaction occurs on the passive crack wall, its slow
rate will severely limit the rate of the anodic reactions. The often
expressed concept that since the anodic reactions occur at the crack tip
the cathodic reactions must occur at discrete distance away on the crack
walls is unfounded. From the definition of an electrochemical corrosion
reaction electrons must flow through the metal from the node to the
cathode. But on a microscopic scale this simply means that the electrons
which are given up by a titanium atom that is being oxidized must flow
to another titanium atom, near which a proton is available, to be reduced.
Further, the surface is in a state of dynamic activity and specific
anodic and cathodic sites may change many times in a short period of
time. Thus both adsorption of Cl~ ions and absorption of hydrogen atoms
should occur at the crack tip. The question of which of these species
promotes the actual cracking perhaps must be resolved by other experi-
mental observations.

Observed changes in the cracking process with changes in the applied
potential can be extremely informative. Yet they must be analyzed care-
fully because the applied potential at the surface of a specimen does
not necessarily reflect the potential at the tip of a crack. For
Ti-8-1-1 alloys cracking in sea water the crack velocity and anodic cur-
rent are observed to increase linearly with applied external potential.
The potential at the crack tip of,a specimen cracking at open circuit
has been measured by Brown122 to be'between. -9̂ 2 mV and -U.U2 mV(SCE).
It is possible that the tip potential may remain at about -10*40 mV(SCE)
even when a more noble potential is applied at the surface. This could
be true if the resistance or the current in the crack were high, producing
a large IR drop. Also, if the electrochemical reactions at the crack tip
were rapid enough, they would tend to hold the potential there constant.
Recent work at Ohio State University156 has demonstrated a very large IR
drop in an artificial crevice< The tests were on a Ti-8-1-1 alloy in
0.6W KI. It was found that applied potentials 'at the mouth of the crev-
ice between -18U2 mV(SCE) and +2158 mV(SCE) produced corresponding poten-
tials between only -392 mV(SCE) and +1+58 mV(SCE) at the root of the
crevice. These results cannot be applied directly to a stress corrosion
crack because differences in geometry must be considered but they do
indicate that sizeable IR drop is likely inside a crack.

What these observations mean in terms of an actual crack is illus-
trated in Figure 38. This shows a crack propagating with an applied
surface potential, Es, of -500 mV(SCE) . The result of applying these
two unequal potentials on the same metal is that there is a net flow
of electrons through the metal from the crack tip to the surface. This
produces a net flow of positive (anodic) current.through the solution
from the crack tip to the bulk. This ionic current could be carried by
negative ions moving into the crack or by positive ions moving out of
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Figure 38 - Schematic Representation of a Crack Propagating in Neutral
NaCl with an Applied Surface Potential of -500 mV(SCE)

117



the crack. In the present example, this would result in a net flux of
Cl~ ions into the crack and or H+ and Ti3"1" ions out of the crack. In-
creasing the applied surface potential (noble direction) would increase
these driving forces and increase the measured anodic current coming
out of the crack. This explains the observed increase in current with
applied potential. The fact that the increase is linear indicates that
the current flow is controlled by the rate of migration of the ions
into or out of .the crack and not by the rate of a surface reaction.

The fact that the crack velocity also increases linearly, along with
the current, as the potential is increased must be taken as strong evi-
dence that the cracking rate is controlled by the flux of chloride ions
to the crack tip. (Unless it is controlled by the flux of hydrogen ions
out of the crack which is certainly unlikely.) These observations are,
of course, strong support for the stress-sorption theory.

However, the inseparability of the two theories (Chapter II, section
5) becomes very clear when it is discovered that this increase in the
measured anodic current can be rationalized to produce an increase in
crack-velocity via a cathodic mechanism. The rationale is as follows:
Suppose the reactions at the crack tip are 22, 23 and 21. These are
occurring rapidly and are independent of the applied surface potential.
Assume that the rate of reaction is limited by the availability of Cl~
ions, and that the crack is propagating by the absorption of hydrogen
produced by the reduction process (reaction 21). Row when the potential
of the surface is increased, the availability of Cl~ ions at the tip
increases. This increases the rate of reaction 22, which consequently
increases the concentration of hydrogen ions via reaction 23, and thus, .
the cracking rate.

This rationalization is contingent, on the assumption that the poten-
tial at the crack tip remains constant even when a noble potential is
applied to the surface. If the potential at the tip increases with the
applied surface potential then it becomes very hard to explain the accom-
panying increase in crack velocity via the hydrogen embrittlement mecha-
nism. Changes in potential affect electrochemical reaction rates expo-
nentially. So it is extremely doubtful that the cathodic hydrogen reduc-
tion reaction could go faster at.a more noble potential no matter what
the concentration of hydrogen ions.

This observed dependence of the crack velocity on the applied poten-
tial continues as the potential is shifted negatively (active direction)
until, at a potential of about -1000 mV(SCE) the crack stops propagating
altogether. Consider the stress-sorption theory first. It does not
involve a direct electrochemical reaction and hence this observation
cannot be explained merely as an example of cathodic protection in the
classic sense. However cracking can be stopped if Cl~ ions become
unavailable or if their concentration decreases below some critical
value. In this connection, an applied potential of -1000 mV(SCE) or
lower would eliminate the driving force for migration of Cl~ ions into
the crack tip. However, a much more fundamental explanation, related
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to the adsorption process itself, is possible. The tendency for positive
or negative ions to adsorb on a metal surface depends on the charge of
the surface. If the surface has a positive charge then negative ions
will adsorb on it whereas if the surface is charged negatively then posi-
tive ions will adsorb on it. As the electrode potential is decreased
from noble values a point is reached where the net charge on the surface
changes from positive to negative. This is called the potential of zero
charge, EpZC. From the standpoint of cracks propagating by stress-
sorption, at potentials below Epzc negative Cl~ ions will no longer be
adsorbed and the propagation will stop. The potential of zero charge
has not been measured for titanium. However its value can be estimated
from the electronic work function. Petrenko145 has made this calcula-
tion and reported a value of -9̂ 2 mV(SCE). This is a very negative value
and indicates that titanium is positively charged over most of the normal
potential range. Since this value is only an estimate, the actual value
could be slightly more negative and correlate well with the observed
cracking behavior.

Advocates of the hydrogen embrittlement theory have explained the
cathodic protection by suggesting that at very negative potentials pas-
sive films are formed on the surface at the crack tip by the presence of
OH~ ions.140 These films then prevent the ingress of hydrogen. This
rationalization is not consistent with the results of the present investi-
gation. While it was observed that passive films are very effective in
reducing the rate of hydrogen embrittlement (see Figure 19) the hypothe-
sis that these films are formed preferentially as the potential is
decreased cannot be accepted. There are many reasons for this assertion.
First, it is unclear why the interruption of an open circuit cracking
process by the application of a cathodic potential should produce OH"
ions. They are produced by the reduction of H20 in alkaline solutions
and the crack tip is very acidic. Secondly, film formation is an anodic
process. If the films are metal oxides then anodic currents are required
to oxidize the metal atoms. Even if passivation is due to adsorption of
ions, e.g. OH~, the process is faster at noble potentials. Shifting the
potential in the active direction makes the charge on the metal surface
less positive, thus making it more difficult for the passivating ions to
adsorb. Therefore, it seems highly unlikely that a film that was absent
in a crack tip under.open circuit conditions would suddenly be formed
when a cathodic potential was applied.

On the other hand, there is much evidence that oxide films on
titanium are reduced at cathodic potentials. Increased dissolution
rates have been found when cathodic currents were applied (Chapter I,
section 10). In a recent paper Pourbaix, Marek and Hochman157 found
that a white surface layer separated and dissolved after a titanium
specimen had been held for about one-half hour at -12k2 mV(SCE) in
12N HC1. This was accompanied by rapid dissolution of the metal. In
the present investigation in 5N HC1, a change in the current in the
anodic direction was observed when wires were strained at -1000 mV(SCE)
but not when they were strained at -850 mV(SCE). This observation was
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suggested to be due to the reduction of a lower oxide, TiO or Ti203, to
a hydride, TiH, (see Table l).

It is contended that the absence of an oxide film may cause the
crack to stop propagating. The reason is that the oxide film is neces-
sary to keep the crack tip sharp. Since electrochemical dissolution is
occurring at the crack tip the crack is very likely to become blunted
by corrosion unless the new surface becomes rapidly passivated. The
necessity for rapid passivation at the crack tip was considered in
detail by Hillig and Charles158 and reported by Beck.46 Continual,
rapid formation of oxide film on the sides of the crack forces the
embrittling reaction, which may be either CT~ adsorption or H absorp-
tion, to occur at the extreme tip of the crack. If the crack is propa-
gating by adsorption of Cl~ ions then a blunt crack tip would prevent
the Cl~ ions from adsorbing preferentially at the region of highest
stress. In the same way, the adsorption of hydrogen would occur over
a larger area. Since the diffusion of hydrogen is slow the stresses
could be relieved by plastic flow ahead of the tip before enough hydro-
gen accumulated to promote a cleavage crack. Also oxide formation is
an important source of H4" ions. The solution at the crack tip is not
aggressive enough to keep the corrosion reaction going indefinitely.
Soon the blunt tip would passivate and the reactions would stop.

It is important to keep in mind here, that the "absence" of the
oxide film means that rate of formation of the film is slow enough so
that the crack becomes blunted. The film would certainly be expected
to form eventually since the electrolyte in the crack, even at the tip,
is only mildly aggressive toward titanium. For example, the passive
film on titanium will reform spontaneously after it is removed in HC1
solutions of strengths up to between 1 and 2 normal whereas a pH of 1.7
at the tip of the crack corresponds to less than 0.1N.

There is no experimental information in the stress corrosion liter-
ature concerning the possible role of a surface hydride in crack propa-
gation. However, the results of the present investigation indicate
that surface hydrides play a primary role in the electrochemistry of
titanium in acid solutions. Therefore, it is imperative that the pos-
sibility of hydride formation in the crack be considered.

If a hydride forms it is most likely to form at the crack tip
because the hydrogen ion concentration is the highest there. Thus it
is pertinent to consider the implications of a surface hydride at the
crack tip.

First, it is possible, as was suggested in Chapter II, section 5,
that the crack could propagate by repeated mechanical fracture of a
brittle hydride. However, if this mechanism is operative then it is
difficult to explain the cathodic protection zone. The rate of hydride
formation increases as the potential decreases. Therefore, if hydrides
are brittle enough that their formation at the crack tip is a sufficient
condition for cracking then cracks should propagate faster at cathodic
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potentials. Also the results of the straining experiments in the present
investigation indicate that the presence of a hydride on the metal sur- .
face may have a strengthening effect.

It was also suggested in Chapter II, section 5 that the formation
of a hydride at very negative potentials could prevent the ingress of
hydrogen into the metal and thus account for the cathodic protection
.zone. It is not possible to confirm or refute this hypothesis with the
available information. In the present investigation the rate of hydrogen
embrittlement increased drastically as the potential decreased (active
direction) with no indication that a hydride in any way slowed the pro-
cess. However this result was interpreted in terms of the reduction of
an oxide and does not represent a comparison between a hydride and a bare
titanium surface. In the same light, there is evidence from the litera-
ture and from the results, of the present investigation that the hydrogen
reduction reaction goes faster on a hydride surface than on a "titanium"
surface. But this "titanium" surface is certainly not a bare titanium
surface.

The fact that hydrides have not been observed on the fracture sur-
faces is easily explained since a thin hydride formed initially at the
crack tip would almost certainly be oxidized .on the crack walls as the
propagation proceeds (see Table 1, reactions s-z).

In summary, the salient points of this discussion on crack propa-
gation are as follows: (l) There is no support from the present investi-
gation for the existence of large enough currents to propagate the cracks
by pure anodic dissolution. (2) There is evidence that the diffusivity
of hydrogen in the high concentration area at the crack tip may be higher
than previously thought. This helps explain the high crack velocity via
the hydrogen mechanism. (3) There is strong evidence that the crack
velocity is controlled by the rate of migration of Cl~ ions to the crack
tip. (U) There is no support from the present investigation that oxides
are formed at very negative potentials. Oh the contrary, evidence is
presented that the oxide may be reduced at these potentials. The absence
of the oxides suggests an alternative explanation for the cathodic pro-
tection zone. (5) The two cracking theories are so interwoven that it
is possible to explain although sometimes rather tenuously, all the
available experimental results using either theory. (6) The possible
role of a surface hydride in the cracking process must be considered.

Due to the voluminous amount of work reported in the literature
concerning hydrogen embrittlement of titanium and its application to
stress corrosion this theory must be considered the foremost theory for
the SCC of titanium in aqueous solutions. Most of the aspects of the
cracking, particularly the physical and mechanical aspects, can be
explained and experimentally verified, using the hydrogen theory. On
the other hand there is very little data reported in the literature
which can be directly related to the stress-sorption theory. Indeed the
main difficulty with this theory is that it appears immune to experi-
mental evaluation. It is very difficult to design an experiment which
will either verify or refute it.
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3. Future Work

Since the results of this investigation are inconclusive as to the
cracking model it is important to consider other experiments which may
help to pin down the mechanism. There are two, as yet unanswered,
questions which are crucial in separating the two cracking models,
(l) Is the microscopic cracking process continuous or discontinuous?
Stress sorption cracking would be continuous while hydrogen cracking
would be discontinuous. Experimental work in the area of accoustical
emissions is needed to answer this question. (2) Does the potential
at the crack tip change when the external potential is changed? A noble
shift in potential at the crack tip resulting from an applied noble
potential would be very hard to explain via the hydrogen theory. The
potential at the crack tip can be measured using microelectrodes.
Experimental work is needed to improve the reliability of this technique.

Another aspect of cracking which needs more study from the stand-
point of the hydrogen theory is the role of the Cl~ ion. It is clear
that the presence of Cl~ ions is necessary for cracking to occur. The
hypothesis that the Cl~ ions are used to produce H+ ions via a hydroly-
sis reaction appears rather tenuous since the H+ ions should be produced
in the absence of Cl~ ions by the oxide formation reactions. If the
hydrogen mechanism is operative it would seem more likely that the Cl~
ions are directly involved in the absorption of hydrogen. Experimental
work is needed to evaluate this postulate. For example, the rate of
hydrogen pickup as a function of chloride ion concentration could be
measured.

More experimental work on the role of a surface hydride in both the
initiation and propagation processes is definitely needed. In this con-
nection it is suggested that a hydride be synthesized in the laboratory.
A method for doing this was outlined by Sukhotin and Tungusova.41 The
properties of the hydride could then be measured independently. For
example, dissolution rates could be monitored as a function of environ-
ment and stress; the rate of hydrogen reduction on the hydride surface
could be measured with a known surface roughness. Other experiments
designed to study the rate of formation and growth of hydrides on
titanium would be very informative. For example, the difference in
growth rates in H2S04 versus HC1 could be determined. From the stand-
point of initiation, the growth of a hydride during cathodic charging
in neutral solutions should be studied. Mechanically polished specimens
would be most useful for these experiments. The effect of a surface
hydride on the absorption of hydrogen could be assessed using a rotating
electrode apparatus with an abrasive added to the solution. With this
technique it may be possible to compare the rate of hydrogen pickup in
a static situation where a hydride is present to the rate when abrasion
of the surface keeps the hydride from forming.

The results of the present investigation indicate that anodic
reactions may be occurring at appreciable rates during cathodic polar-
ization. These rates could be effectively assessed by measuring
dissolution rates analytically as a function of applied potential.
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•Vll. CONCLUSIONS

The conclusions resulting from this investigation are listed below.

1. Surface hydrides play a critical role in the electrochemical
behavior of titanium in concentrated acid solutions.

2. There is strong evidence that titanium is protected by an oxide
film in concentrated acid solutions, even when it is in the "active"
condition.

3. Polarization of Ti-8-1-1 wires in 5N HC1 at a potential of
-200 mV(SCE) results in the formation of a different oxide than that
formed at potentials of +200 mV(SCE) or above.

k. The Tafel slope for the cathodic polarization of Ti-8-1-1 in
5N HC1 was measured to be 0.1 volts per decade of current. A reverse
polarization scan following exposure at very negative potentials results
in a large increase in the rate of hydrogen reduction but does not
change the Tafel slope.

5. Prolonged exposure of Ti-8-1-1 wires to 5N HC1 results in their
embrittlement due to the absorption of hydrogen. The rate of hydrogen
embrittlement increases as the potential is made more negative. This
appears to be due to the reduction of a surface oxide.

6. The presence of a passive film, formed by pre-polarization at
+500 mV(SCE), greatly reduces the rate of hydrogen embrittlement upon
subsequent exposure at -850 mV(SCE). Films formed in air at room temper-
ature are not effective in reducing the rate of hydrogen embrittlement.

7- Measurements on a wire embrittled at -850 mV(SCE) indicated
that the effective distance over which embrittlement occurred was sub-
stantially greater than the distance over which hydrogen diffusion
through the alpha phase could have occurred.

8. The magnitudes of current changes during straining of the
Ti-8-1-1 wires in 5N HC1 were too small to produce support for the
existence of strain-induced dissolution rates large enough to account
for the rapid crack velocities observed for titanium stress corrosion
in aqueous solutions.

9. Straining of Ti-8-1-1 wires at -1000 mV(SCE) produced large
current transients in the anodic direction. Anodic transients were not
observed at less negative cathodic potentials.
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APPENDIX

Consider an electrochemical reaction in which a single electron is
transferred. For example,

(1*3) M+ + e~ = M

The rate of this reaction is given by the current flowing. In the for-
ward (cathodic) direction the rate, ic, is described by the following
equation:

F exp* RT

To simplify the description, the equation has been separated into three
general terms. The first term, C,.+ is self-explanatory and is the con-

centration of metal ions that can be reduced. The second term is derived
from the Absolute Reaction Rate Theory and is the chemical rate constant
for the reaction in the cathodic direction. It describes the rate of the
reaction in the absence of an electric field. The specific parts of the
term are familiar. T is the absolute temperature; k is the Boltzmann

constant; h is Planks constant; AG^ is the activation energy for the for-
ward direction; R is the Universal Gas Constant. The third term describes
how the reaction rate is affected by the potential difference across the
metal/solution interface. F is the Faraday constant which relates the
flux of material to a current flow. A* is the actual immeasurable poten-
tial difference between the metal and the solution, p is called the
symmetry coefficient and represents the fraction of the electrical energy
(resulting from the potential difference A*) that actually affects the
rate of the forward reaction.

Equation 1*1* is not convenient for experimental analysis because the
potential term,- A<t> , is unmeasurable . Therefore, the overpotential, r\,
is defined. •

(1*5).. T] = A* - A*e

A0e is the actual unmeasurable potential difference between the metal and

the solution when the reaction is in equilibrium. The overpotential can
be measured experimentally. Putting equation 1*5 into equation 1*1*, the
rate becomes . . . . . .

ic = F(W exp exp exp
n RT RT
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This can be simplified to

.(1*7) ic. = Cjjr- k* exp

where
-̂  kT -AGI -(3FA<t>
k - F — exp - - exp

h RT RT

Thus 1? is the electrochemical rate constant for the reaction going in
the forward direction. It contains both chemical and electrochemical
terms and describes the intrinsic tendency for the reaction to occur in
the absence of an external driving force (T)).

Similarly, the rate of the reaction in the reverse (anodic) direc-
tion is given by

n o\ • ™ kT ~AGa (l-p)FA4»e(W) ia = FCM _ exp - 2 exp 1 — _ - S expa n h RT RT RT

where C^ = the concentration of metal atoms that can be oxidized

AG^ = the chemical actuation energy for the reverse
-,;;. reaction

> (1-p) = the fraction of electrical energy which affects
the rate of the reverse reaction.

a n d • • . . . • , ' . . , .

ia= CM, exp 1

where
t- kT -AGak = F — exp - - exp.

h RT . RT

When more than one electron is involved in the reaction the symmetry
coefficient is replaced by a transfer coefficient, a, which includes a
term for the number of electrons transferred.

.I') For a complete derivation and description of these electrochemical
'kinetic equations the reader is referred to J. O'M. Bockris and A. K. N.
•jReddy, Modern Electrochemistry Vol 2 Plenum Press: New York (1970).
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