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ABSTRACT

The overpotential of electrodeposited MnO, electrodes can be measured with fair
reproducibility. Overpotential is a linear function of the logarithm of the ammonium
ion concentration, at constant pH, but not of the logarithm of the apparent current
density. It varies much less with the hydrogen ion than with the ammoniurm ion concen-
tration. When ammonium ion in the electrolyte is replaced by methylammonium,
dimethylammonium, or trimethylammonium ion the overpotential is increased. The
change of overpotential with temperature was measured. The bearing of the results on
the theory of the discharge mechanism is considered.

Experience in determining open-cireuit discharge curves
(1) suggested a method of measuring the overpotential of
MnO, electrodes made by electrodeposition on graphite
rods. The open-circuit discharge curve is determined by
interrupting a discharge at intervals, measuring the equi-
librium open-circuit potential, and plotting this against
the amount of discharge in milliampere-minutes. The dif-

crence in electrode potential between the open-circuit
lischarge curve and the closed-circuit discharge curve at
any stage in the discharge is taken as the overpotential at
that stage.

EXPERIMENTAL

Preparation of electrodes—Tlectrodes were made essen-
tially as described previously (1-3). MnQO, was deposited
electrolytically on graphite rods of 8 em? exposed area
which had been pretreated by immersion in boiling water
until evolution of gas ceased. The temperature of electro-
deposition was 80°-85°C for some electrodes and 90°-95°C
for others. All electrodes intended for a single series of
experiments were made in the same way and otherwise
treated the same. The current density was 3.13 ma/ecm? or
25 ma for the electrode. The total manganese per electrode
was about 0.2 millimole and the composition by analysis
was about MnO, 4. After preparationand thorough washing
with water, the electrodes in groups of six were stored for
one week in a solution of 23 NH,CI] and 0.5M NH;, pH
8.80. During this time the potentials decreased. Then the
electrodes were stored in an electrolyte similar to that in
which they were to be discharged.

Two groups of electrodes were washed with 0.1N H,SO,
instead of water, by keeping immersed in frequently
changed acid solution until little more manganese(I1) ion
was washed out. The potentials of these electrodes before
discharge were higher than those of electrodes washed
with water, and the overpotentials were a little higher
than the average for electrodes washed with water.

Electrodes for comparable overpotential measurements
were gelected to be as nearly alike as possible and with as
nearly equal initial potentials as practicable. From a group
of electrodes prepared at ome time, those with lower
potentials were used first, and, on standing in electrolyte,
the others fell toward the lower potentials and were used

later. If the differences in potential are ascribed to differ-
ences in composition of the oxide, and the decrease in
potential on standing in electrolyte is the result of a reduc-
tion of dioxide (2), this procedure should favor uniformity
of composition of the electrodes when used. A constant
amount of discharge should then cover the same portion of
the discharge curve for all electrodes of a series.

Measurement of overpotential—For discharge, electrodes
were mounted one at a time centrally in a glass vessel of
about 250 ml capacity by means of a rubber stopper. A
cylindrical silver electrode of a size to fit around the
interior wall of the vessel was employed as the anode. A
Luggin capillary was provided for the introduction of a
calomel electrode with the tip placed at a distance two to
four times its outside diameter from the central electrode.
At the highest current density the iR drop between the
MnO, electrode and the tip of the capillary was negligible,
as shown by an experiment with a second capillary.

Solutions used as electrolytes were prepared from re-
agent grade chemicals by weighing and making up to
volume with water, except that a 2M stock solution of
acetic acid was used when this was to be included.

The measurement of electrode potential, against a
saturated calomel clectrode, was made by means of a
L&N Speedomax recording potentiometer which was
checked frequently by a more precise potentiometer.
Current was measured also by the recording potentiometer
in terms of the potential drop across known resistance.

During discharges the solution in the cell was stirred
continuously at a rate such that an increase did not in-
crease the closed-circuit potential. In some of the earlier
discharges this was accomplished by a current of N which
had been purified and passed through a solution similar to
the electrolyte. At the highest current density this stirring
was inadequate and a magnetic stirrer was employed
instead. This was more satisfactory as it led to better pH
control and better reproducibility of overpotential. It was
adopted for all of the later measurements.

When a cell was ready for discharge it was placed in an
air bath at 25° 4 1°C, except as otherwise noted. On
attainment of approximately constant potential by the
MnO, electrode, a current was started between this and
the silver electrode and adjusted at 1.60 ma or 0.2 ma/em?,
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except as otherwise noted. With three No. 6 dry cells and
suitable resistance in the circuit the current deereased not
more than 69 during a discharge. In some of the later
experiments the current was maintained constant. A con-
tinuous record of both current and potential was made.
The current was discontinued at about 125 ma-min and a
sample of the electrolyte was taken for a pH measurement
by means of a Beckman pH meter. Stirring was discon-
tinued and the cell allowed to stand for 24 hr, after which
stiiring was started, and the open-circuit potential and
pH were measured. The difference between the open-
circuit potential and the last closed-circuit value was
taken as the overpotential. It did not need correction to
exactly 125 ma-min as such corrections were negligible.
However, it was often necessary to make a small correction
for change in pH during the 24-hr period.

One source of error was a slow decrease in electromotive
force of the cell during the 24-hr period on open-circuit
before the final measurement. This decrease compensated
the last part of the recovery from polarization. If it were
not for this, complete recovery would probably require
more than 24 hr, and the allowance of this period is some-
what arbitrary.

Two causes of the decrease can be recognized: (@) the
manganese(II) ion formed (3) should eventually return
to the electrode and reduce some MnQ,; (b) after the
completion of most of the present measurements it was
shown that Ag electrodes in NH4Cl solutions react with
oxygen to give H;O,, which if carried to the other electrode
can reduce MnO, (4). If the Ag electrode is covered with
AgCl this self-discharge reaction is reduced in importance
and can be practically prevented by a thick enough layer.
In the latter part of this work the silver electrode was
coated thickly with chloride by electrolysis with a current
of 0.05 ma em? for 12 hr in 0.1 KCI. In the early part it
had been coated in previous discharges and not cleaned.

In 24 hr standing in NH,CI electrolyte an insufficiently
coated silver electrode can cause reduction of a fresh MnO,
electrode equivalent to about 10 mv (4). Inspection of an
open-circuit discharge curve (1) shows that after 125
ma-min of discharge (of an electrode of 0.2 mmole of total
Mn) the same amount of reduction would lower the po-
tential 2-3 mv.

Some of the final open-circuit measurements, and hence
overpotentials, might be 2-3 mv too low from this cause.
This error does not affect the conelusions.

The reproducibility is shown in the upper curve of
Fig. 1. It should be noted that the reproducibility is as
good as indicated in Fig. 1 only when the procedure is
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carefully standardized, cspecially in the preparation of the
electrodes and the composition of the solution. Some
electrodes plated at a higher temperature gave, with a
current density of 0.2 ma em?, an overpotential of 69 mv
as compared with 56 mv from Fig. 1.

Overpotential and Current Denstty

The overpotential at pH 7 increases relatively rapidly
at the beginning of a discharge, then increases slowly or
remains practically constant for a time, increasing greatly
at the end (1). In the measurements the discharge was
allowed to proceed until an approximately steady state of
polarization had been established, but when possible not
so long that much manganese(II) ion appeared in solution
(3). At pH 5 the second condition was not possible. At
pH 7 the manganese(II) ion is first detectable after about
40 ma-min. Not much is formed up to 125 ma-min, and
this point was chosen for the measurements. At pH 5 some
of the discharges had not attained a steady state until
about 125 ma-min as shown in Fig. 2, so this point was
appropriate for the lower pH also.

For measurements at pH 7 and various current densitics
the electrolyte was 2M NH,Cl and 0.01M NH;. Currents
were varied from 0.1 ma to 6.4 ma for the 8 em? electrodes.
Results are shown in the upper curve of Fig. 1 in which
overpotential is plotted against current density. When the
current decreased during the discharge, the measured
overpotential was considered to correspond to the value of
the current when the discharge was discontinued.

A second series was made at pH 5. The electrolyte was
2M NH,CI, 0.068M potassium acetate, and 0.032M acetic
aeid, the pH of which was 4.72. Magnetic stirring was
employed throughout this series. As shown in Fig. 1 the
curves for pH 5 and 7 are of the same shape.

A linear relation between overpotential and the loga-
rithm of the current density has been observed for the
PbO; electrode discharging in acid solution (5).

Concentration polarization in the solution can account
for only a small part of the curvature of Fig. 1. The con-
centration changing the most was that of the ammonia in
the pH 7 series, while in the pH 5 series both components
of the buffer might have changed appreciably. Estimation
of the approximate concentration overpotential (6) for the
largest current density gives 2.5 mv for pH 7 and 1 mv for
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pH 5, as compared with 85 mv total overpotential. At
smaller current densities, values would be smaller. If these
corrections were made, the curvature of the pH 7 line
would be reduced a little, but not eliminated.

Overpotential and pH

For discharges at pH 5 it was necessary to provide a
buffer in the electrolyte if close control of pH was desired.
An acetate buffer of potassium acetate and acetic acid
(0.1 in total acetate) was used. For uniformity in ex-
periments on the variation of overpotential with pH, 0.1
potassium acetate was included in the electrolytes of pH 7
and 8.6. All electrolytes contained 2M NH,CI. Overpoten-
tials were measured with a current of 1.6 ma (current
density 0.2 ma/cm?). Deviations from this current were so
small that corrections were negligible. Corrections for pH
changes were not more than + 3 mv. Results are given in
Table I. In Fig. 3 it is shown that variation in overpoten-
tial with hydrogen ion concentration is much smaller
than its variation with ammonium ion concentration.

TABLE I. Variation of overpotential with pH

pH 4.79 4.80 7.10 7.06 8.53 8.36
Overpoten- 58 50 69 63 53 56
tial, mv

Microscopic examination of electrodes after discharge®
of 125 ma-min indicated a lack of uniformity in the reac"
tion. After a discharge at pH 7 the surface was pitted and;
at occasional spots, graphite was uncovered. In electrodes
discharged similarly at pH 8.6 the pitting was greater, but
at pH 5 it was much less; no graphite was exposed. When
the stirring was by N there was more pitting at the ends of
the electrode than in the middle, whereas with magnetic
stirring the attack on the electrode was much more nearly
uniform. Because of the differences in the attack on the
electrodes, the overpotentials at different pH values must
be considered only roughly comparable. However, no
differences in pitting were observed at different current
densities or at different ammonium ion concentrations
when pH was constant.

Overpotential and Ammonium Ion Concentration

For the investigation of the effect of ammonium ion
concentration a series of electrolytes was prepared 0.1, 0.3,
1.0, and 2M in NH,Cl with enough KCl in each case to
give 2M chloride ion, an ionic strength of 2, and enough
NH; to give a pH of 7.1-7.5. The two most dilute solutions
in NH.Cl were poorly buffered and for the most dilute the
final pH values were 7.7 and 7.8 for two discharges. How-
ever, in this range the variation of overpotential with pH
is small. Results of overpotential measurements of elec-
trodes in these electrolytes are given in Fig. 3.

In this series of experiments, concentration polarization
must have been largest in the solutions with least ammo-
nium ion, since ammonia concentrations required were
small. Calculation gave about 3 mv for both the 0.1 and
0.3M solutions and 1 mv for the 1M. The most dilute
solution, having a higher pH after the discharge than the
other solutions, had more ammonia in proportion to the
ammonium ion, making the calculated value lower than
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F1c. 4. Decay of overpotential after discharge of 125
ma-min in electrolytes of various ammonium ion concen-
trations. (See Fig. 3.)

would otherwise have been the case. If the small calculated
corrections were made in Fig. 3 there would be no effect on
the conclusions to be drawn. The slow rate of decay of
overpotential as shown in Fig. 4 is also evidence of the
absence of appreciable concentration polarization in the
solution.

It is of interest to compare the effect on overpotential
of an NH Cl electrolyte with that of methyl, dimethyl and
trimethylamine hydrochlorides, the amines being stronger
bases than ammonia. Amine hydrochlorides of Kastman
reagent grade were dried at 110°C, and 2M solutions were
made by weight. When necessary some of the free amine
was added to give a pH of from 7.2 to 7.4. A slight yellow
color in each of the solutions was removed by stirring with
decolorizing carbon. Experimental data and results are
given in Table II.

TABLE II. Overpotentials with NHCl and amine
hydrochlorides as electrolytes

- Over- Concentra-

Electrolyte (é)nal) pot;ﬂ.:&ial" K, t};g‘tleg‘t’i‘:i'
mv
NHCL. . .......... 7.33 65 £ 3 9.26 0
CH;-NH,Cl.......| 7.59 132 & 4 10.64 4
(CH;) . NH.Cl...... 7.70 140 & 3 10.71 3
(CH3),NHCI....... 7.31 104 &= 4 9.72 1

*Fach value is the mean of two.



4 JOURNAL OF THE ELECTROCHEMICAL SOCIETY

The larger the pK (7), (Table II), the less dissociated is
the ammonium or substituted ammonium ion, and the
overpotentials increase in the same order.

Magnesium Chloride Electrolytes

Some overpotential measurements were made with
MgCl, electrolytes buffered with excess Mg(OH),. Con-
centrations of MgCl, varied from 0.05 to 0.67M with
enough KCl to give an ionic strength of two. Overpoten-
tials varied irregularly from 113 to 141 mv, with an average
of 126 mv. Considerable differences in the surface condition
of the electrodes were observed after discharge, the elec-
trodes showing the larger overpotentials being more
heavily pitted than the others. Because of the high pH,
8.7-9.5, these experiments cannot be compared quanti-
tatively with the others.

Overpotential and Temperature

A series of two measurements each at 25, 15, and 5°C
was made, The clectrolyte was 2M NH,CI of pH 7.3 and
conditions were those described for the experiments on
overpotential and current density, except that the current
was held constant at 1.60 ma. The overpotential in milli-
volts as a function of temperature in centigrade degrees
can be expressed by the equation

n = 103.86 — 1.415¢

which was determined by the mecthod of least squares.
Results are shown in Table ITI.

Mazimum Overpotential

Discharge curves at pH 5 show a peculiarity not found
at pH 7. Four of the pH 5 curves are shown in Fig. 2 to-
gether with an open-circuit discharge curve for compari-
son. The real discharge curves all pass through a minimum
at about 20 ma-min giving a maximum in the overpoten-
tial. The overpotentials measured at 20 instead of 125
ma-min are about twice those at 125 ma-min. When they
are plotted against the logarithm of the current density a
curve like those of Fig. 1, but with somewhat less curva-
ture, is obtained.

Although discharge curves at pH 7 do not have a mini-
mum, the overpotential passes through a maximum. In
the experiments leading to Fig. 3, in which the ammonium
lon concentration was varied, the maximum came at 30-40
ma-min and its height was larger the smaller the ammo-
nium ion concentration.

Recovery from Polarization

It has been shown that the recovery from polarization,
or decay of overpotential, is slow (1). Fig. 4 shows the

TABLE III. Variation of overpotential with temperature

y SH Overpotential
°C (final) —
Obs,* mv Calc, mv
25 l 7.27 69 £ 1 68.5
15 7.29 8+ 0 82.6
5 | 7.28 97 + 3 96.8

* Each value is the mean of two.
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first portions of the recovery curves of the electrodes of
the ammonium ion series at pH 7.5 (Fig. 3). Each curve
is the average for two electrodes. It is shown that the
electrodes having the larger overpotentials have the more
rapid recovery, but there was no sudden change on break-
ing the circuit. Each curve starts at the overpotential at
which the circuit was broken.

DiscussioN

It has been postulated (3, 8) that the potential of a
MnO, electrode depends on the composition of the surface
of the oxide. The closed-circuit discharge curve starts at
the open-circuit potential, if the R drop included in the
measurement is negligible. The closed-circuit potential
decreases considerably faster than the open-circuit poten-
tial in the early part of the discharge. This can be cx-
plained as the result of the accumulation on the surface
of lower oxide, which in the early part of the discharge
is formed more rapidly than it is removed. The overpo-
tential may be assumed to arise from the presence on the
surface of more than the equilibrium amount of lower
oxide.

That the lower oxide is removed from the surface is
indicated by the slow rise in potential when the circuit
is broken (Fig. 4) and by the appearance of manganese(IT)
ion in the solution (2, 3). In discharges at pH 7 manga-
nese(Il) ion is not formed in the early part of the dis-
charge, but on breaking the circuit the potential rises
slowly, indicating that lower oxide is being removed from
the surface (1). It has been postulated that the lower
oxide can become mixed effectively with the dioxide (1,
9), which also accounts for the decrease in the equilibrium
open-circuit potential with discharge (10).

During the middle part of a discharge the overpotential
remains constant or changes only slowly, indicating an
approximately steady state in which the reaction products
are being removed as fast as they are formed. An increase
of current increases the rate of formation of products,
which accumulate and lower the closed-cireuit potential
until a new steady state with a faster rate of removal is
attained.

The dependence of the overpotential on the ammonium
ion concentration (Fig. 3) cannot be satisfactorily ex-
plained at present. It is probably connected with the
phenomenon of the maximum overpotential, as the am-
monium ion concentration had considerable effect on the
size of the maximum. It was observed that in the first 10
ma-min of discharge the curves for the four ammonium ion
concentrations were much alike, but after this they devi-
ated more and more as the various maximum overpo-
tentials were approached. No c¢xplanation of the maximum
overpotential and the minima in Fig. 2 can be given other
than the suggestion of nucleus formation| given for the
similar minima in discharge curves for the PbO, electrode
5.

A quantitative treatment of the theory of overpotential
has not been undertaken at this time because of the com-
plexity of the problem. Experiments on discharge in acid
electrolytes are being made, since in this case the removal
of the reaction product seems to be a single process instead
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of two. A quantitative treatment of these results seems
possible.
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The Change of Potential of Manganese Dioxide
Electrodes on Standing

Stanvey Hinns! aAxp W. C. VOSBURGH

Department of Chemistry, Duke University, Durham, North Carolina

ABSTRACT

MnO, that has been in contact with ammonium salt solutions can be analyzed cor-
rectly if washed free of ammonium ion. Electrodes of electrodeposited MnO, on graphite
with electrolytes of NH,Cl, (NH,), SO,, buffered KCl, or MgCl. saturated with hy-
droxide decreased in potential 50-100 mv in 3 months at 50°C. On Au and Pt with buffered
KCl electrolyte a similar decrease took place. The decrease was accompanied by a loss
in available oxygen. Precipitated MnO; decreased more than 100 mv in 2 months under
similar conditions, but lost little available oxygen.

MnO, electrodes of both the precipitated and electro-
deposited type in NH,CI electrolytes decrease in potential
slowly over long periods of time (1, 2). The decrease is
associated with loss of available oxygen, but this could
not be demonstrated by direct analysis, because the
analytical method was questionable for an electrode that
had been in an ammonium salt solution.

In the present investigation it is shown that the analyti-
cal method can be applied to MnO, that has been in am-
monium salt solutions if the ammonium ion is first re-
moved. A further investigation was made of the decrease
in potential on standing in four different electrolytes. Also,
for electrodeposited electrodes the effect of substitution of
Au and Pt for graphite was tested.

PrEPARATION OF MnO,

Electrodes were prepared by electrodeposition of MnO,
on graphite rods which had been prepared for spectro-
scopic work as previously described (3). Plating time was
30 min, and the total Mn deposited was 0.2 mmole on a
surface 8 cm?.

Precipitated MnO; was made by reaction of manganese

! Present address: Reduction Research Laboratory,
Reynolds Metals Co., Shefhield, Ala.

(II) sulfate and KMnO, in acid solution (4). It was
washed thoroughly and dried at room temperature.

ANaLYTICAL METHOD

The value of z in the formula MnO, can be determined
without weighing the sample by a combination of the
H;As0; method for available oxygen and potentiometric
titration in the presence of pyrophosphate for total Mn
(5-7). For electrolytic electrodes on graphite rods this
method gives low results if the electrode has been exposed
to an NH,CI electrolyte, and also if an H;AsO; solution
much more dilute than 0.1V is used in dissolving the
sample (2). A further study of the method was made
before it was used in analyzing manganese oxides.

Electrolytic electrodes prepared as noted above and
washed free from acid with water gave, on analysis, the
results in the first four lines of Table I. Seven electrodes
used as controls and analyzed with 0.1N H;AsO; for the
available oxygen determination gave x = 1.90, with an
average deviation of =+0.016. Two similar electrodes
analyzed with 0.025N H;AsO; gave z = 1.63, in agreement
with the earlier observation (2). However, when either
0.1N or 0.025N FeSO, was substituted for the HyAsO; the
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value of 2 found was in agreement with the controls.
Therefore, it is probable that analysis with 0.1¥ H;AsO;
gives correct results even though the value of z is con-
siderably lower than the theoretical. The variation in the
results is the sum of the analytical error and the variation
in composition of the oxide on different electrodes; there-
fore, it should not be taken as a measure of the former
alone.

When electrodes were kept in a solution 2M in NH,CI
and 1M in NH; for 24 hr before analysis, the value of 2
found by analysis (line 5) was much lower than that of the
controls. With only 1 hr of treatment instead of 24 (line
6), the value of x was still much too low. It seemed proba-
ble that the low results were to be ascribed to interference
in the analysis by NH4Cl or NH; and not to reduction of
the MnO, Ammonium ion is held tightly by the oxide,
probably as the result of exchange adsorption, and it is not
easily removed by washing with water. Na,S80, solution
removes it, as shown by tests with Nessler’s reagent, and
after ten washings the wash solution gives only a faint
test. The last two lines of Table I show that ammonium
ion can be removed by washing with 1M Na;S0,. It is not
completely removed by four washings, but fairly well by
ten.

There was a fairly constant error in the results of Table
1. After the available oxygen determination, and after the
addition of pyrophosphate, it was necessary to neutralize
much of the acid present to attain the proper pH for the
potentiometric titration. When Fe was present, extreme
care was needed in the addition of NaOH to avoid a tem-
porary precipitate, which would lead to low results. Neu-
tralization by NHj; is much safer in this respect, and this
was done in all of the analyses of Table I. However,
analysis of several preparations of precipitated MnO, and
a sample from the National Bureau of Standards using
both methods of neutralization showed that the NH,
method gives high results for total Mn by about 17 parts
in 1000, or a negative error in z of about 8 parts in 1000.
This error does not seem to affect the analysis of elec-
trolytic electrodes as much {probably because less acid is
used), but in any event the conclusions from Table II
would not be affected.

TABLL L. Effect of concentration of the reagent and exposure
of the sample to NH4Cl solution on the analysis of
electrolytic MnOQ; on graphite rods

No. of [Exposure . Y : .
sam | gl | Washingt et Ko
7 | None — 0.1N H;AsO; 1.90 &= 0.016
2 | None — 0.025N H;AsO; | 1.63 £+ 0.1
4 | None — 0.1N FeSO, 1.91 + 0.005
2 | None — 0.025N FeSO, 1.88 + 0.01
2 {24 hr — 0.1N H;As0; 1.59 + 0.06
3 1 hr — 0.1N H;As0; 1.70 & 0.03
3 1 hr 4 Times | 0.1N H;AsO; 1.84 + 0.02
3 1 hr | 10 Times | 0.1N H;AsO; 1.88 + 0.01

* MnO, placed in solution 2M in NH,Cl and 1M in NH;
for the time indicated.
t Samples washed repeatedly with 1M Na,S0, solution.
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NaOH was used for neutralization in the analysis of
precipitated MnO,. It was found that protection from air
by a current of N was desirable during the neutralization
(as well as during the potentiometric titration) to prevent
a small amount of oxidation by air.

Ammonium ion present during the available oxygen
determination in the analysis of precipitated MnO, also
caused low results, although the effect was not as large as
for electrolytic oxide on graphite rods. Five analyses of a
MnOQ, preparation gavez = 1.969 + 0.002. When 1 g of
{N'H,),80, was added to the acidified H;As0O; solution used
for dissolving the sample, the values of z found in two
analyses were 1.90 and 1.92.

Three samples of precipitated MnO, were kept 24 hr in
a solution 2M in NH,Cl and 1M in NHj, then washed
ten times with 1M Na.SO, solution. In each washing the
precipitate was stirred with the solution mechanically for
15 min, then the solution was decanted. Finally, samples
were washed with water, dried in a vacuum desiccator over
P.0;, and analyzed. The average z value was 1.954 £
0.0003 as compared with 1.959 =+ 0.001 for the untreated
oxide. The experiment was repeated, but after removal of
the ammonium ion, and before analysis, one part by
weight of Shawinigan black (509 compressed) was mixed
with 9 parts of the sample. The mixture was digested with
the acid H;AsOj; solution and the C removed by filtration
before titration of the exeess H;AsOs. Three samples
treated in this manner gave z = 1.953 + 0.0003. For the
precipitated oxide, treatment with ammonium salt and
NH; and subsequent removal of ammonium ion gave an
apparent loss of 3 parts in 1000 in the value of z. One
possible source of error in the procedure is the loss of fine
particles of oxide in the washing by decantation, if the
fine material differs in composition from the coarser.

Treatment with ammonium salt and NH; and washing
with Na,SQ, solution, with the subsequent addition of C,
was tried with Standard Sample 25b from the National
Burcau of Standards. The value of z was 1.984 + 0.003
as compared with 1.982 + 0.002 with no treatment, three
samples cach. The agreement with the value of = caleu-
lated from the National Bureau of Standards analysis is
very satisfactory.

It was not attempted to add C to a MnO; sample while
in an ammonium salt solution, because of the possibility
of a real change in the oxide composition under these con-

TABLE 1l. Change in potentral of electrodeposited MnO,
on graphite on standing 3 mo. in electrolyte at 50°C

Potential,* Corr. to
pH 7.5, 25°C
Electrolyte pH —AE, x in MnQy
Initial, Final, myv
mv myv
NH.CL oo 7.5 444 £+ 5) 371 £+ 13| 73 {1.74 +0.01
(NH,):80, . .| 7.5/ 453 + 2| 402 + 6| 51 [1.76 +0.02
KCh.......... 8.3] 472 £+ 5| 401 + 11} 71 {1.72 4+0.02t
MgCly. ... .. 8.3 807 + 5| 398 + 12| 109 {1.64 +£0.05

* Kach value is the average for 4 electrodes.
t Average of 3.
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ditions (4). There is no reason to expect an effect of the
combined treatment on the analysis itself. MnO, contami-
nated with ammoniacal electrolyte and mixed with C
(or oxide electrodeposited on the surface of graphite) can
be analyzed well enough for the purposes of this investiga-
tion.

CHANGE IN POTENTIAL ON STANDING IN IELECTROLYTE
Electrodeposited MnQ,

Sixteen comparable electrodes of electrodeposited MuO,
on graphite rods were divided into four equal groups, and
each group was mounted in a rubber stopper fitting a glass
container of about 120-ml capacity. A fifth hole in each
stopper permitted measurement of the electrodes against
a saturated calomel electrode. Four different electrolytes
were used: (¢) 2M NH,Cl with enough NH; to give pH
7.5; (b) a similar 1M (NH,):804; (¢) 2M KC1 with a car-
bonate buffer, pH 8.3; (d) 1M MgCl; saturated with
Mg(OH),, pH, 8.3. The first and last were chosen because
of their use in Leclanche and Mg dry cells. The second
does not have the chloride ion which is present in the other
three, and the third contains the K cation instead of
ammonium or Mg.

Measurements of electrode potential and pH were made
at 25°, then the holes for the calomel electrode were stop-
pered, and the vessels placed in an oven at 50° + 3°C. At
intervals of a week or two the vessels were cooled to 25°
and measured. Most of these potential measurements were
not comparable with the initial and final values, because
of a lag in the attainment of equilibrium which was not
recognized at first. For this reason the shape of the poten-
tial-time curves was not determined.

It was later found that standing for four days at 25°
after a temperature decrease assured satisfactory measure-
ments. Changes in pH took place in the first three elec-
trolytes, the change being especially large in the third,
containing the carbonate buffer. For convenience all elec-
trode potentials were corrected to a pH of 7.5 by the use
of the coefficient 75 mv/pH unit (1). It is believed that
the error in this correction is not large enough to affect
the conclusions.

The initial and final values for a three-month period are
shown in Table II, along with results of analyses of the
oxide on the electrodes. Decrease in potential correlates
qualitatively with the change in composition, assuming
that all electrodes were of MnQ, 4 at the beginning. The
correlation held for individual electrodes within a group
also. A few of the glyptal seals which joined the graphite
rods to the glass tubes in which they were mounted were
faulty. This allowed electrolyte to come in contact with
the bare graphite rod. Such electrodes were invariably
lower in potential than the others of their group and were
lower also in z-value. They were nevertheless included in
the averages on the assumption that the effect of the
cracked seal was merely to accelerate the change taking
place, and not to introduce a new process.

However, the magnitude of the change in potential is
rather large in relation to the change in the ratio of MnO,
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TABLE II1. Change in potential of electrodeposited MnO,
on Pt and Au on standing 4 wk in electrolyte at 60°C,

pH 7.6
Potential,* pH 7.5, 25°C t _AE
Electrode [ x in MnQ,
Initial, mv Final, mv
Pt 520 &£ 7 | 410 % 2 ‘ 110 1.77 = 0.02
Au 528 4+ 4 | 398 & 3 | 130 1.77 £ 0.01

* Average for three electrodes.

to lower oxide (assumed to be MnOOH). Electrodes made
of mixtures of MnO, and MnOOH have been shown to
change 73 mv with unit change in the logarithm of the
oxide ratio (8). The corresponding change in the electrodes
of Table II is 90-120 mv. This suggests that part of the
change in potential may be the result of a change other
than reduction. A suggestion as to the nature of this change
is made in the discussion of changes on standing of elec-
trodes of precipitated MnQO,.

It is not apparent what is oxidized when the MnOs, is
reduced. The only substances present in all four systems
are water and graphite. The oxidation of chloride ion re-
quires a higher potential than that available. The oxida-
tion of water should be easier, though still apparently
requiring too large potential. To test whether graphite was
involved, Pt and Au were substituted as supports for the
MnOQs,. Previously (2) MnO, on Pt in NH,C] electrolyte
was found to decrease in potential faster than on graphite.

MnOQ, was electrodeposited on three bright Pt and three
gold-plated Pt electrodes at the same current density as
used for deposition on graphite. These were placed in a
single vessel containing 2M KCl electrolyte buffered with
a borate buffer at pH 7.5. As a precaution against traces
of reducing impurities a little permanganate had been
added, and the solution was boiled and filtered prior to
use. Potentials (relative to the saturated calomel electrode)
before and after four weeks at 50°C are given in Table
III, along with the composition of the oxide as found by
analysis after the final potential measurements. The ex-
periment was discontinued after four weeks because large
changes in both potential and available oxygen were
shown in that time. The higher initial values correspond
to a higher initial available oxygen content. Analysis of
four freshly prepared electrodes, two on Pt and two on Au,
gave MnO, ¢ as compared with MnO, g for electrodes
on C.

PRECIPITATED MnO,

Sixteen electrodes were prepared with precipitated
MnOQO,. The same four eclectrolytes were used as for the
electrodeposited electrodes, except that the 2M KCI was
buffered with borate instead of carbonate, and its pH was
7.7. The MnO, to be used with the ammonium salt electro-
lytes was digested at room temperature with similar solu-
tions containing 1M NH;. Other samples were digested
with the unaltered electrolytes.

The electrodes were set up in long narrow tubes with Pt
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wires sealed in at the bottom (4). Two electrodes with each
clectrolyte were made by placing in the tubes a suspension
of MnO, in the electrolyte and centrifuging to pack the
oxide around the Pt wire. Two other electrodes with cach
electrolyte were made with C (Shawinigan black, 509,
compressed) mixed with the oxide. The oxide and C were
mixed in the form of a paste with a little of the electrolyte,
and the paste was packed around the wire by centrifuging,
before the main part of the electrolyte was added.

A fifth set of four similar oxide samples (two of them
with C) were placed in electrode vessels with water in place
of an clectrolyte. These samples served as controls and
were analyzed with the others at the end of the experiment,
but no potential measurements were made.

The electrodes were kept at 50° + 3°C and occasionally
cooled to 25°C for measurement against a saturated
calomel electrode. The potentials decreased, and in the
latter part of the second month they seemed to be ap-
proaching constancy. On two occasions the potentials
immediately after the reduction in temperature were
roughly 200 mv below the previous values, but they rose
within four days to values only a little helow the previous
ones. This phenomcnon could not be repeated later.
Decreasing pH values in the first two electrolytes were
probably the result of loss of NHj, in spite of tight stop-
pers. Before the final measurements the electrolytes in the
first two sets of electrodes were changed. Table IV shows
the initial and final electrode potentials all corrected to
pH 7.5. In the last column is given the composition of the
MnO:, as found by analysis, each value being the average
for two electrodes. With these arc included the analyses
of the samples kept under water instead of electrolyte.

Most of the final potentials were smaller than those of
Table IT and the decrease larger, but the loss of available
oxygen was much smaller. The oxide kept under water
changed from the initial MnO; g5 to MnO; gs6. The change
in the electrodes with the MgCl, electrolyte and no C was
little more than this. The oxide samples in the KCI and
(NH,)S0, electrolytes changed to MnQ, g, and MnO; g0,
respectively. The much larger change in the NH,Cl electro-
lyte may have been the result of an undetected error. The
clectrodes containing C decreased more than those without
C (except in the NH,CI electrolyte), and more available
oxygen was lost.

Comparison of Tables IT and IV shows that even if the
change in potential in the former should be ascribed wholly
to the change in oxide composition, the change in Table IV
cannot be so explained. A change to a more stable physical
form is not a satisfactory explanation for the decrease of
potential. Maxwell and Thirsk (9) found a much smaller
change of potential, sometimes even an increase, on heating
a number of different preparations of MnQO, to tempera-
tures of 200°C or above. In their experiments the cells in
which the various preparations were compared were made
with electrolytes of HCl and MnCl,. Kozawa and Sasaki
(10) believe that the potential of a MnO, electrode de-
pends mainly on the surface statc of the oxide. The pres-
ence of lower oxide on the surface leads to a low electrode
potential. If the lower oxide is removed by acid, the elec-
trode potential rises. In an ammonium salt (or other)
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TABLE IV. Change in potential of electrodes of precipitated
MnO; on standing 2 mo. in electrolyte at 50°C

Potential,* corr. to .
Electrolyte »H pH 7.5, 25°C Dfnl(x)lz
Initial, mv Final, mv

NHCL............... 7.5 | 485 + 15| 331 £ 10 | 1.875
NHClt. ..o 7.5 1478 + 17 | 357 = 0 | 1.902
(NH.)2504.. ... ... .. 751496 = 01380 + 5| 1.922
(NHL)804%....... ... 7.5 |53 £ 1368 2|1.907
KCl................. 7.7 1516 £ 2404 £ 1| 1.934
KCH................ 7.71504 = 038 = 1]1.920
MgCly............... 8.3 524 x+ 138 £+ 6| 1.942
MgClat. .. .. 8.3 | 504 = 1356+ 7 |1.924
Water............... — — — 1.946
Watert.............. — — — 1.906

* Each value is the average for 2 electrodes.
1 C was mixed with the MnOs,.

clectrolyte at pH 7 or higher, MnOOH on the surface of
MnO, would not be removed, and a decrease in potential
could be the result of a decrease in available oxygen in the
surface layer.

The effect of heating the MnO, in the dry state was
tested by keeping samples in the oven at 50°C for 1-5
weeks. Aualysis of the five-weeks sample gave MnO; 4 and
MnO, o5, showing less available oxygen than most of the
samples heated under water or electrolyte for a longer
period. However, electrodes made with the heated samples
were on the average only 20 mv lower than control elec-
trodes made with unheated oxide. Both sets of electrodes
decreased about 100 mv during the period of observation.

CONCLUSIONS

It is assumed that the changes at 50°C are no different
in kind from similar changes at 20°~30°C. The decrease in
potential of electrodes of precipitated MnO; indicates a
self-discharge process taking place at the MnO, surface.
This conclusion is based on the proposition that the poten-
tial is determined by the composition of the surface to-
gether with the observation that analysis showed only a
small decrease in composition of the oxide as a whole. The
self-discharge does not depend on any particular ion in
solution, nor on the presence of any substance more easily
oxidized than water.

Electrodeposited MnO; on graphite, Pt, or Au loses con-
siderable available oxygen while decreasing in potential.
This suggests an electrolytic effect by which the self-dis-
charge process, occurring primarily at the surface, spreads
to the interior. The effect of cracks in the electrode seals
is in agreement with this suggestion.

It does not appear possible to bring MnO; electrodes to
complete equilibrium with neutral or slightly alkaline
solutions.
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Study of the Cathodic Reduction of Oxide Films on Iron

I. Reduction of Alpha-Fe;O; Films

H. G. Oswixn! aAxp M. CoHEN

Division of Applied Chemistry, National Research Council, Ottawa, Ontario

ABSTRACT

Apparatus and technique for cathodic reduction of a-Fe:Os films is described. Meas-
urements of the reduction efficiency in buffered and unbuffered electrolytes are given.
Effects of pH of the electrolyte, dissolved oxygen current density, and film thickness are
noted and discussed. Electrolytes containing ‘“ferrous-complexing’ ions have also been
investigated. Methods of determining quantities of a-Fe,O; in thin films are suggested

and their limits of accuraecy considered.

Dissolution of iron oxide films on Fe in acid media was
investigated by Evans, et al. (1-7), and it appears to be a
process of reduction and dissolution.

The reduction of a-Fe40; can be represented by:

Fe,0; + 6HT 4+ 2¢ — 2Fct 4+ 3H,0 )

When no external emf is applied, electrons can be supplied
by the anodic corrosion process:

Fe — Fett 4 2¢ d§n

The combination of processes (I) and (II) is known as
“autoreduction”. However, if a cathodic potential is ap-
plied, reaction (II) should be suppressed and reaction (I)
will be predominant. There will also be another cathodic
process competing with (I):

2H*t+ + 2¢ — H; (II)
The present work was carried out to investigate whether
the cathodic reduction technique could yield an accurate
determination of a-Fe,O; on iron.
PRELIMINARY INVESTIGATIONS

Some preliminary investigations were carried out using
a simple electrolytic cell similar to those used by previous
workers. The quantity of Fe dissolved in the electrolyte

1 Present address: Cities Service Research & Develop-
ment Corp., New York, N. Y.

after reduction was determined and used as a measure of
the efficiency of the reduction. This was done by comparing
the quantity of Fe found with that which would be ex-
pected from reaction (I) and a consideration of the number
of coulombs put into the system.

Efficiencies calculated on this basis showed considerable
variation when the reductions were carried out in N /10
NH,CI; efficiencies in aerated systems were particularly
difficult to correlate with each other. Further, the effi-
ciencies were generally found to be greater than 100%,
especially when low current densities were used. There
was much more Fe found in solution than would have been
expected from the number of coulombs put into the sys-
tem, assuming that all the coulombic energy was used
solely for the reduction of a-Fe,0;. This indicated that
autoreduction, i.e., a combination of reactions (I) and
(I1), still prevailed under these conditions. It had been
thought previously that rates of autoreduction were very
small in solutions of pH exceeding 3.0 (7). However, these
experiments had been carried out in unbuffered solutions
of dilute HCl, in which the pH in the region of the elec-
trode might have changed during the experiment. Conse-
quently, it was decided to investigate first the rates of
autoreduction in buffered solutions.

Rates of Autoreduction

Immersion of oxidized Fe specimens in N /10 NH,CI
solutions resulted in a gradual disappearance of the oxide
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film. Measurement of the amount of Fe going into solution
indicated that the autoreduction rates were still consider-
able—of the order of 40 yFe/cm?/hr. Specimens which
had been immersed in N /10 NH,C1 for a while were then
reduced cathodically and compared with ordinary oxidized
specimens. It was observed that a much smaller reduction
step was found in the case of specimens which had been
previously immersed in N /10 NH,CL

Several deaerated buffered solutions were prepared in
which Fe specimens (oxidized to the blue stage) were im-
mersed. The time taken for the film to disappear com-
pletely was noted. These times varied somewhat and the
average of a number of observations was taken.

pH Time (min)
5 5
6 20
6.5 30

Several buffers were tried in the pH range 5-7.5, and it
was observed that rates of autoreduction decreased with
increasing pH. Rates varied somewhat, depending on the
buffer used. Reduction rates appeared to be lower in
aerated buffers, presumably because of depolarization by
oxygen of reaction (IIT), which is then the preferred
cathodic process.

In sodium borate-HCI buffers of pH 7.5, rates of auto-
reduction were quite low: approximately 2-4 yFe/cm?/hr.
This is a very low rate of reaction and should be completely
suppressed or minimized on application of a cathodic po-
tential to the electrode. Hence it was decided to investigate
the cathodic reduction process in electrolytes of pH
greater than 7.5.

EXPERIMENTAL

Preparation of standard oxidized Fe specimens was
carried out in the following manner. For most of the ex-
perimental work Armeo iron sheet 0.006 in. (0-152 mm)
thick was used. Specimens 7 x 1 em were oxidized, then
trimmed to a size and shape suitable for use as electrodes.
The reducible area used was approximately 10 em2. Before

N, FLOW

L4

7
J U

F1g. 1. Reduction cell
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oxidation the Fe was polished with 3/0 emery paper,
degreased in trichlorethylene, etched 1 min in N HCI,
washed with distilled water followed by dry methyl aleohol,
and finally dried at room temperature. Specimens pre-
pared for electron-diffraction examination were made from
Fe of the same specification, but thickness 0.062 in. (1.57
mm). Preparation of the metal was similar to that already
described above, except that it was polished with 4/0
emery paper to obtain best results.

Oxidation was carried out in a glass vessel through which
there was a continuous flow of oxygen; to.obtain even oxi-
dation, specimens were suspended from a central support
and were not allowed to touch the walls of the vessel. The
glass vessel was contained in a furnace heated to a suitable
temperature maintained at £2°C. For most of the experi-
mental work, except where otherwise specified, specimens
were oxidized 18 hr at 250°C, which usually produced a
first-order blue film. In view of the preliminary observa-
tions of the effect of oxygen, the apparatus was designed
to work under anaerobic conditions. Cathodic reduction
of specimens and storage of the necessary electrolytes were
effected under a-N, atmosphere. The N, was purified by
bubbling through Fieser’s solution and then passing over
a column of finely dispersed Cu on kieselguhr, heated to
220°C.

Solutions were deaerated by heating to 90°~95°C in the
storage vessel while pure N. was bubbled through for
24 hr before using. The transference of electrolyte from
storage vessel to cell was effected by a system of three-way
taps. It was found that solution-lubricated glass stopcocks
served most satisfactorily.

The reduction cell was designed: (a) to permit exclusion
of air; (b) to permit compléte flushing with pure N: with
the specimen in position; (¢} to minimize diffusion of oxy-
gen to the cathode by removing the anodes as far as pos-
sible; and (d) to facilitate accurate analysis for dissolved
Fe by making the cell volume as small as possible. The
cell is shown in Fig. 1, its dimensions being approximately
25 x 150 mm. The specimen was suspended on a heavy

r|||+————4w7%&~v—————
et

S.C.E. P

AAA
VWA

b1

Fic. 2. Electrical circuit. A—Microammeter; B—d-c

supply; C—reduction cell; D—“bucking’’ circuit; P—emf

recorder; R—Ilarge variable resistance; 8.C.E.—standard
calomel electrode.
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gauge-W wire sealed into a ball-joint. This allowed location
of the specimen against the tubulus connecting the cell to
a standard calomel electrode via a salt bridge.

Fig. 2is a diagram of the electrical circuit used. Basically
this is similar to those used by previous workers and con-
sists of a source of d-¢ voltage (B) connected o the reduc-
tion cell in series with a very large resistance (R). If (R)
is considerably larger than the resistance of the cell, small
changes in the cell resistance will not affect the total re-
sistance of the circuit, and a constant current can be main-
tained during reduction. (In some cases a small variation
in current was noticed, but this did not exceed +0.5%.)
Accuracy of the microammeter used is estimated to be
better than +0.5%; hence the maximum error in measur-
ing the current is +19%,.

The emf measurements against a standard calomel
electrode were recorded on a Speedomax, range 0-1000
mv. As shown in Fig. 2 at D, a bucking potential was used
to retain the measured emf’s on the recorder scale.

The bucking potential used was 0.2 v, but all potentials
shown and mentioned were corrected by this amount.

Briefly, the method of using the apparatus was as
follows:

1. Before any experiment, the cell was first washed with
N/HCI and finally washed well with distilled water.

2. Pure N, was then allowed to flow through the cell,
and after 2 min the cell was flushed out with deaerated
electrolyte, some of which was allowed to flow through the
salt bridge. Thus, any aerated electrolyte was removed.

3. The cell was drained and the electrode placed in posi-
tion against the tubulus. With the lower stopcock still
open, pure N, was allowed to flush through the cell for an
additional 10 min. The necessary electrical connections
were then closed, and fresh electrolyte admitted via the
lower, three-way stopcock, until the required liquid level
in the cell was obtained. Immediately the stopcock in the
salt bridge was opened, the electrical circuit main switch
closed, and the recording of emf’s commenced.

4. On completion of reduction, the circuit was opened,
the electrode quickly removed from the cell, and excess
electrolyte washed from it with distilled water. These
washings plus the remaining electrolyte in the cell were
collected, together with further washings of the cell with
N /10 HCI and distilled water.

The total Fe content of the collected electrolyte and
washings could then be estimated colorimetrically. The
amount of Fe involved was usually of the order of 100 vy
but at times quantities as low as 10y and as high as 400y
were determined. The total volume of liquid involved was
75-100 cc.

Several colorimetric reagents were tried, and the most
satisfactory for these conditions appeared to be thioglycol-
lic acid. The technique consisted of: (a) evaporation to a
very small bulk followed by transference of the material
(washing with N /10 HCl and distilled water) to a 50 cc
volumetric flask; (b) addition of 2 ce 109% thioglycollic
acid solution neutralized with 6N NHj; (¢) addition of
10 cc 6N NH; and dilution to a total volume of 50 cc; and
(d) measurement of optical density in silica cells at 540
my. For use as a blank solution for these measurements, a
dummy run was made in the cell without an electrode, the
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electrolyte being removed and treated in the manner
described. The spectrophotometer was calibrated using
standard solutions of Fe in HCI added to a normal quan-
tity of the electrolyte.

Reproducible aceuracy of better than +1.5% was ob-
tained, but an over-all accuracy of only %29 is claimed.
The accuracy increases with quantity of Fe involved, pre-
sumably because of the reduced significance of small losses
by adsorption on the glassware.

Specimens required for electron-diffraction examination
or microweighings after cathodic reduction were treated
as follows: after removal from the cell, the specimen was
washed with distilled water repeatedly, then with dry
methyl alcohol, and finally dried at room temperature.

Errecr oF pH anxp CURRENT DENSITY

In view of the autoreduction rates observed in buffered
solutions, reductions were carried out in solutions of high
pH. A series of sodium borate-HCI buffers was used (8).
A series of reductions was carried out using standard speci-
mens and a current density of 30 ua/cm? The emf-time
curves are shown in Fig. 3.

In a buffer of pH 7.65, the inflection is clearly marked,
less marked at pH 8.1, and nonexistent at pH 8.6. Reduc-
tion of the a-Fe,0; was achieved at pH 8.6, but the time
required to remove all the Fe,O; indicated a very low over-
all efficiency of reduction.

By using a buffer of twice the prescribed concentration
(8), at a current density of 30 pa/cm? it was possible to
reduce a-Fe,0; slowly even at pH 9.1.

Fig. 4 shows the emf-time curve observed at different
current densities in a borate buffer of pH 7.7. The inflec-
tion point becomes less distinct with increasing current
density: the same effect as is produced by increasing pH.

The lack of an inflection, or definite potential change,
must mean that processes (I) and (III) are-concurrent.
Although from a consideration of standard potentials,
process (I) should occur at a much higher emf than process
(III), it is obvious from the observed potentials that

1 I I T [ [
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Fic. 3. Effect of pH on reduction potentials
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F1c. 4. Effect of current density, on reduction potentials

process (I) is highly polarized and has a potential near to
that of process (ITI).

Increasing the current density or the pH must cause
polarization of the electrode, by a lowered H ion activity
and /or formation of Fe(OH), at the interface.

INTERPRETATION OF EMF-TIME CURVEs

An electrode system of the iron-iron oxide type can
provide several cathodic processes. For the present pur-
poses, an ideal system obviously would be one in which
these processes would occur consecutively. Curve 1, Fig. 5
represents reduction potentials at an ideally unpolarized
electrode. In practice, the electrode is polarized because of
the reduction process, and the potential is of the type

TIME

E.M. F.

F1c. 5. Reduction potential vs. time curves of different
types.
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shown in curve 2, the steadily decreasing potential being
caused by changes in the activities of ionic species formed
during the reduction process rather than by a decrease in
H ion eoncentration. This is indicated by the effect of Fe
complexing ions which produce potential curves approxi-
mating type 1.

In the case of potential curves such as curve 3, the polar-
ization of the first reduction process is so great that the
reduction potential of the second process is reached, and
the processes are then concurrent.

ErricieNcigs oF RepucTive-DissoLuTioN

The processes occurring at the electrode in the absence
of oxygen consist of processes (I), (IT), (I1I), and possibly

Fett 4 2¢ — Fe av)

Of these processes, (I), (IT), and (IV) alone contribute to
the quantity of ferrous ions in the electrolyte after the re-
duction. It does not seem likely that processes (II) and
(IV) are concurrent, and the amount of dissolved Fe in
the electrolyte will be dependent on a combination of
either (I) and (IT) or (I} and (IV).

The efficiency of process (I) was calculated as

Quantity of Fe dissolved in electrolyte

quantity of Fe expected if all the coulombic
energy is used in process (I)

which can be written

micrograms of Fe X 1.726 X 10°
time of reduction (sec) X current (ua)

If this efficiency exceeds 100%, the amount of Fe in
solution is greater than would be expected from coulombic
considerations of process (I); therefore process (II) must
be occurring. The excess Fe is unlikely to be mechanically
removed or undermined a-Fe O3, since Evans (9) has shown
that a-Fe;O; films isolated from the metal are stable in
acid media of quite low pH. Efficiencies of less than 100%
do not necessarily mean that process (I) does not occur,
since the excess electrons could be used in process (III).
This possibility is discussed later.

For efficiency determinations, standard oxidized speci-
mens were used. Two deaerated electrolytes were used:
N /10 NH,CI and sodium borate-HC] buffer of pH 7.65—
7.72. Fig. 4 shows typical potential vs. time curves of the
reduction processes in the buffered solutions at different
current densities.

In order to determine whether the inflection of these
curves does in fact correspond to complete reduction of
the a-Fe,O; layer, a series of specimens was prepared for
surface examination by electron diffraction reflection. Re-
duction of oxidized specimens was carried out, correspond-
ing to points A and B as shown on curve 2, Fig. 5, ie.,
before and after the inflection. It was found that in both
N /10 NH,C] and the buffered solution specimens reduced
to stage A still showed a-Fe,O; lines in the diffraction pat-
terns. Specimens reduced to stage B usually showed
Fe;0; lines only, although in a few cases faint lines of
a-Fe,0; still appeared. This was mainly observed after
reductions at high current density.
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The absence of a-Fe,0; lines in the diffraction patterns
is presumed to indicate a complete removal of a-Fe;Os
from the surface layer.

The Fe;0, patterns originate from the underlying magne-
tite layer in the duplex oxide film, which has been exposed
by removal of the upper layer of a-Fe,0;. The Fe;0, is
most unlikely to have been formed by cathodic reduction
of a-Fe;0;, and if this did occur it would be observed even
in the early stages of the a-Fe,O; reduction. This is not
the case.

Having established that the inflection of the emf vs.
time curve corresponds to complete removal of the a-Fe,O;,
a series of current efficiency measurements were made at
different current densities. Two sets of determinations
were made: incomplete reductions corresponding to point
A, before the inflection, and complete reductions as far as
point B, beyond the inflection. The efficiencies plotted
against current density are shown in Fig. 6. Values for
incomplete reduction in the buffered solution seem to be
fairly reproducible and exceed 1009, only at very low
current densities. The values for complete reduction are
less reproducible, which may be explained by the following
possibilities: (a) the inflection-point has to be determined
visually, and, although it cannot be determined precisely,
the limits within which it must lie have been found to be
less than +39, of the time period involved; (b) a change
in processes occeurring between points A and B which
might affect the total amount of Fe found in solution after
complete reduction.

Incomplete reductions in N /10 NH,C] show consider-
able variations in current efficiency. For this reason no
attempt was made to measure the efficiencies of the com-
plete reduction in this electrolyte. These large variations
can be attributed to the low pH of NH(C] solutions,
usually less than 6.0. The very high efficiencies indicate
that autoreduction is an important process here even at
current densities as high as 20-30 ua/cm? The autoreduc-
tion process is dependent on the rate of process (IT) which
in turn will depend on the area of exposed Fe surface; this
may vary considerably from specimen to specimen.

The effect of oxygen in the electrolyte was investigated,
and in the sodium borate-HCI buffers the effect was quite
marked, especially at low current densities. It was decided
not to carry out a series of quantitative measurements in
view of the errors involved in determining oxygen content
of electrolytes. However, several current efficiency deter-
minations were made with specimens reduced in deaerated
buffers of pH 7.7 during which no attempt was made to
exclude oxygen from the cell. The average of the measure-
ments was 609% at a current density of 15 ya/em?. It was
observed during these runs that the potential was about
150 mv greater than the corresponding potential in the
absence of oxygen.

ReEpvucTiON OF THIN o-FE,O3; FitMs oN Pr

In an attempt to exclude the process of autoreduction,
thin films of a-Fe.03; were prepared on a Pt surface. Care-
fully polished and clean Pt electrodes were degassed and a
thin film of pure Fe evaporated onto the surface. This Fe
surface was then oxidized in the same manner as the stand-
ard Fe specimens. By careful control of the quantity of Fe

REDUCTION OF OXIDE FILMS ON IRON 13

T 1 T T T ! T i [ T

100 -M INCOMPLETE REDUCTION IN |

BUFFER p, 765 T0 7.72
80—~ |
1| 1 | 30 IR B L { [
100/~ a0 o COMPLETE REDUCTION IN  —
oo BUFFER py 7.65 T0 7.72
o © e
sol— —
ool L 1 vty
.

8o ° —
o 160 —
5 40 o INCOMPLETE REDUCTION |
& o N/10 AMMONIUM CHLORIDE
o
a ° |
£ 20— . .

° L
% 100— ° ° ]
w ° o
&
3 80— ° ° o -
o
60— . —
o
40 -
| | J ] 1 |- — |

o 20 30 40 5 60 70_ 80_ 90 190
CURRENT DENSITY ampax 106 cme:?

[=]

Fia. 6. Current efficiencies of reduction

evaporated, films of a-Fe;0; of average thickness between
200 and 800A were produced, the thicknesses being calcu-
lated from weight-increase measurements. The surface
conditions after each stage—evaporation (Fe) and subse-
quent oxidation (a-Fe,0;)—were checked by electron
diffraction examination.

The oxidized films were then cathodically reduced in
sodium borate-HCl buffers and N /10 NH,CI at various
current densities. In all cases, the current efficiency of
reductive-dissolution was very low, and in the case of the
thicker, visible films, complete reduction was attained
only after several hours. Generally, it was observed that
the thicker the film, the more difficult the reduction
process. A similar effect was reported during the cathodic
reduction of bulk a-Fe;0;3 (7). It was found that a-Fe, O,
produced at high temperatures was quite difficult to reduce.
It was also reported that the rate of reductive-dissolution
of a-Fe,03 (bulk) decreased after the initial stages. This
was attributed to the low conductivity of bulk «-Fe,0;.
It was suggested that the conductivity depended mainly
on the existence of defects in the surface layers which were
quickly removed during the initial stages of reductive
dissolution.

The present work with oxide films on Pt seems to agree
with this. The nature of these thin evaporated films is such
that there is probably very poor contact between the film
and the underlying Pt, thus introducing a high electrical
resistance into the system. If this resistance is sufficiently
high, the potential on the large exposed areas of Pt will
probably be high enough to discharge H ions by process
(I11).

A further factor, which tends to increase the resistance
of these evaporated films, is that there are likely to be less
lattice-defects of the Fe-excess type in a-Fe,O; layers when
supported and formed on a Pt base. Unless the Pt itself is
soluble in the oxide lattice, the electrical conductivity
should be lower.
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In the case of these thin films it does not seem likely that
local overheating during oxidation could cause the forma-
tion of ignited oxides, since high temperatures would be
attained for very short periods of time only.

ErreEct oF Fr-coMPLEXING JoNS

Eflect of cyanide vons.—The effect of cyanide ions on re-
ductive dissolution had been noted previously by Pryor
and Evans (7) using 0.7 g KCN /1 N /10 NH,Cl. An increase
of the reduction potential was observed, presumably due
to lower concentrations of ferrous ion at the electrode sur-
face. This results in a greater difference between the reduc-
tion potential and the final H evolution potential, conse-
quently a sharper inflection is observed on the emf-time
curve.

In the present work, the effect of cyanide ions in sodium
borate-HCl buffers was investigated. Typical reduction
curves are shown in Fig. 7. A current density of 30 ua/cm?
was used. Apparently an increase in concentration of
cyanide ions results in an increase of the reduction poten-
tial. However, after reduction to a stage beyond the inflec-
tion point of the curve, specimens removed from the cell
were observed to be blue-green in color and somewhat un-
evenly reduced. Examination of the surface of many of
these specimens by electron diffraction failed to give any
patterns; this may have been caused by the presence of an
amorphous deposit on the surface. However, from a few
specimens, lines were obtained due to the presence of
a-Fe,0; and FeyOy, indicating that only an incomplete
reduction had been achieved. The surface of one specimen
which failed to give any electron diffraction patterns was
carefully cleaned to remove the milky-green deposit; on
further examination, @-FesO; and FeO4 lines were ob-
served. Two specimens gave electron diffraction patterns
which appeared to match those of Fe Fe(CN)¢l;. The
nature and formation of the surface deposit did not appear
to be too definite, but obviously a deposit was formed on
the surface when cyanide ions were present, which pre-
vented complete reductive-dissolution of the a-Fe,O;
layer. Formation of FeJFe(CN)]; could have occurred on
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exposing the surface to air, and indeed in some cases it was
observed that the specimens appeared colorless while still
in the electrolyte.

It would seem that cyanide ions were not diffusing to the
electrode surface at a rate sufficiently high to complex all
the ferrous ions as ferrocyanide. This is perhaps not sur-
prising in view of the fact that each ferrous ion requires
6 cyanide ions.

Since the presence of cyanide ions appears to prevent the
complete reduction of @-Fe,03, no current-efficiency meas-
urements were made.

Effect of Versene, the tetrasodium salt of ethylenediamine
tetra-acetic actd ~—Some preliminary reductions were carried
out in borate-buffered electrolyte containing 19, by volume
of Versene, at pH 7.7. Reduction steps were found to be
shorter than for similar reductions in ordinary borate
buffer, probably due to depolarization of one or both of
processes (I) and (IT).

A further series of reductions was made in solutions of
19 by volume Versene adjusted to the required pH by
the addition of HCL. A typical set of emf vs. time curves
is shown in Fig. 8. Electron diffraction examination of the
surface indicated that all the a-Fe,Q; was reduced even at
pH 11.9. At pH 5.8 there must be considerable autoreduc-
tion.

The potentials show a marked trend to become more
negative with increasing pH. From a consideration of
process (I), this must be caused by decreasing II ion ac-
tivity, or increasing ferrous ion activity, or both. The
reduction potentials at pH 8.9 and 11.9 differ by approxi-
mately 0.18 v. Assuming the ferrous ion activity is constant
over this region, and that the potential of process (I) is
dependent on (am+)?, the potential difference should be of
the order 0.5 v. Obviously these assumptions would require
larger increases in polarization than are observed. It is
probable, however, that the dissociation constant of the
ferrous-Versene complex decreases with increasing pH,
thus the activity of the ferrous ion will be lower at higher
pH values. To account for the observed emf differences,
the activity of ferrous ion would vary by a factor of 107
over the pH range 8.9-11.9. Versene is not a good buffering



Vol. 104, No. 1

ion; consequently, in a dynamic system the activity of the
H ion may not agree with measured pH. This would reduce
the change in ferrous ion activity over a given pH range
required to satisfy observed potential changes.

Since Versene is not a good buffering ion, its main effect
on reduction potentials must be due to the lowering of the
ferrous ion activity. The failure to effect reductions at a
reasonable current efficiency, in borate buffer above pH
8.5, must be due to the polarization by ferrous ions, or the
precipitation of ferrous hydroxide on the reducible surface.

At pH 11.9, the reduction potential is —1.06 v (vs.
S.C.E.); calculations of the standard potential (10) indi-
cate that at this emf the ferrous ion activity should be
107°. In the presence of Versene, the activity of ferrous ion
should be lower than this, since 10~° is the approximate
activity to be expected at pH 11.9 in the absence of
Versene. If the ferrous ion activity is lower than 10~9, there
must be an overpotential to account for the low emf, pos-
sibly associated with the discharge of hydrogen ions:

Ht 4+ ¢ —H )

or the removal of iron from the Fe,0; lattice as Fet™ or
Fett,

The curve shown in Fig. 8 at pH 5.8 exhibits a very in-
distinct inflection and a very short period of reduction.
The high eurrent efficiency means that autoreduction is
taking place because of depolarization of anodic process
(II). This effect restricts the usefulness of Versene in quan-
titative reductions.

ErrEcT OF VaRIATIONS IN Frim THICKNESS

Three specimens were prepared differing only in the
extent of their oxidation, and the current efficiencies of
complete reductive dissolution were measured in borate
buffer of pH 7.75. Table I lists the values. The calculated
current efficiency did not appear significantly different,
the differences being of the order of the experimental error.

The last two columns show, respectively, the actual

weight loss of the specimens, and the weight loss (as
Fe,0;) calculated from the Fe found in solution after re-
duction. In all three cases the calculated weight loss is
slightly larger than that measured, which could mean that
some of the Fe is not leaving the surface as reduced Fe0;,
but rather by the anodic process (IT). However, the differ-
ences (8-9 ) are not very significant. If this difference is
real it could mean that process (II) is more important in
the case of thinner oxide films where there is probably a
greater area of exposed Fe.

Further measurements were made on somewhat thicker
films of oxide. These were produced on B.I.S.R.A.iron (11),
which after annealing in H at 350°C was oxidized at 320°C.
The color of these specimens varied throughout the sur-

TABLE 1. Current efficiencies on first-order films

Oxidati fF C Weight | Caleul
Smear | maeme | VOLTe | G | Vet | Cite
250°C ps solution [A ¥ v

20 min 14.8 40 103 49 57
2 hr 13.0 75 106 99 107
16 hr 14.4 98 101 131 140
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TABLE II. Current efficiencies on second- and
third-order films

Fe in Current Weight | Calculated [Percent-

No pa/cm? solution | efficiency loss weight loss | age dif-

k7 % ¥ ¥ ference
1 15.2 288 82 384 411 3
2 14.6 312 80 461 446 6
3 14.8 570 86 815 814 —
4 14.9 212 97 283 303 6

face, indicating different oxidation of individual grains.
Reduction of these specimens was carried to completion at
approximately the same current density in a buffer solu-
tion of pH 7.7; the weight loss of each specimen was also
determined. Results are shown in Table II.

With the exception of the thinnest film (No. 4), the cur-
rent efficiency of these thicker films seems to be somewhat
lower than in the case of the standard specimens shown in
Fig. 6. This could be due to a larger ohmic resistance across
the thicker films (the average thickness of these a-Fe O;
films was 3-8 times greater than that of the standard
specimens).

The last column in Table IT shows a percentage differ-
ence between measured weight loss and the weight loss
(as Fes0;) calculated from the amount of Fe found in solu-
tion. The largest difference is 6% in the two thinner films,
and would indicate that a very small amount of autoreduc-
tion may be occurring. In the case of the two thicker films
the differences are of the same order as the experimental
error.

QUANTITATIVE ESTIMATION OF @-FEO3; Frims
BY REDUCTIVE DissoLuTioNn

There are three measurements which can be used for the
determination of a-Fe,0; quantities by cathodic reduc-
tion: (a) the coulombic energy used in the reduction proe-
ess, (b) the amount of ferrous ion formed in solution by
reductive dissolution, (c) the weight difference between the
oxidized and reduced states. These three quantities can be
used singly or together to estimate the a-Fe,0;, with vary-
ing degrees of accuracy.

Considering (a), the factors involved in calculating the
coulombic energy are the current passed through the cell
and the time of reduction. As previously pointed out the
maximum errors in current and time measurements are,
respectively, +19%, =%3%; the maximum error in the
coulombic energy will then be +4%. To determine from
the coulombic energy the amount of reductive dissolution
of Fe;0;, it is necessary to know the current efficiency of
the process and how much energy is discharged by process
(III). Fig. 6 indicates that the current efficiency is de-
pendent on current density; therefore, if the current
density is known, it is possible to estimate approximately
the current efficiency for each experiment. However, it
seems probable that the current efficiencies are also de-
pendent on the true surface area (as compared with the
apparent surface area), the film thickness, and the con-
ductivity of the oxide layer. Therefore, a-Fe 03 quantities
calculated purely from coulombic measurements cannot
claim an accuracy of better than +15%.
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If the measurement (b) is used in the calculation of oxide
quantities, then a more accurate value can be derived.

The unknown factor here is the amount of autoreduction
occurring. Even when the indicated current efficiency is
below 100%, the autoreduction process cannot be ignored,
especially in the case of thin films, However, the rates of
autoreduction in buffers quoted earlier are quite low, es-
pecially at pH values above 7.5; these rates will certainly
be reduced further when higher current densities are
applied to the electrode. Although at higher current densi-
ties the current efficiency may drop to 909 or less, the
anodic process will be minimized, and the amount of Fe
found in solution will be a truer measure of the quantity
of Fe,0; reduced. Unfortunately the emf vs. time curve
inflections become less marked with increasing current
density; consequently, the end of the reduction is less
easily determined.

Assuming then that the current density is high enough
to minimize autoreduction, the accuracy is dependent on
the determination of Fe in solution (£29%,) and the deter-
mination of the reduction end point (+£39%). The maxi-
mum accuracy is then of the order +59%,.

Utilizing measurement (c), the most accurate measure
of the oxide reduced can be obtained if the quantity
involved is greater than 100 +. By careful control of
conditions and by check weighings, it was found that a
maximum accuracy of +2 v could be achieved on dif-
ference-weighings. Consider now how the accuracies of
measurement will affect interpretation of the results; in
the case of 100 v of Fe found in solution:

(4) When all Fe is from reduced Fe O, (process I)

100 v (£29%,) found 160 X 100 v (+29%) FeO,4

1312

143 (£2%) v
140 v to 146 v (as Fe,0; only)

total weight loss

(B) If 90 v of Fe is formed by process (I), and the re-
mainder by process (1)

90y found = % X 90 = 129  of Fe;05

the remaining 812 v was lost as Fe, and the total weight
loss = 127 v to 131 v (as Fe and Fe,0;).

Assuming a measured weight loss of 133 ¥ (£2 ¥), it is
obvious that these accuracy limits cannot differentiate
between (4) and (B), and on the basis of these measure-
ments, the amount of reduced Fe,O; would be between the
limits 129 v and 145 v or 137 ¥ (£6%). This accuracy will
increase slowly as the quantities increase. For example,
for 200 y of Fe in solution, the accuracy would be (+4.5%).

This method then is capable of determining quantities
of Fe,0; without assuming that there is no autoreduction
oceurring. In the case of small quantities of oxide, the
accuracy limits will be quite large.

Working on the previous assumption that autoreduction
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rates are very small, the accuracy of determination of
Fe,0; depends entirely on the accuracy of difference-
weighings. This accuracy (%2 +) is independent of quan-
tities weighed. Consequently the percentage accuracy will
increase with increasing weight differences.

CONCLUSIONS

1. It would seem that the autoreduction process can
oceur at low current densities in buffered electrolyte sys-
tems, even with pH’s higher than 7. The weight loss and
total Fe found in solution will indicate within limits
whether autoreduction is taking place.

2. The current efficiency of the reduction process is quite
dependent on current density and the electrolyte used. The
true surface area of the specimen, the conductivity of the
complete oxide layer, the pH, and probably the concentra-
tion of the electrolyte are important factors. Current
efficiencies in a buffer of pH 7.6-7.7 are usually less than
1009 if the current density is greater than 15 pa/cm?.

3. Calculations of quantities of a-Fe.O; from coulombic
measurements alone cannot have an accuracy greater than
+159%,. Accuracies of the order of +69% can be obtained
from the measurements of specimen weight loss and iron
in solution, depending on the quantities involved.

4. Iron-complexing agents can be used to create sharper
inflections in the emf vs. time curves, thus increasing the
accuracy of measurement of the reduction period. The
advantage of this, however, is outweighed by other un-
desirable effects such as depolarization of (and consequent
increase in rate of) the corrosion reaction (II); or precipi-
tation of material on the electrode preventing complete
reduction of the oxide. Reductions in Versene solution
alone indicate that electrode polarization is mainly due to
a build-up of the ferrous ion concentration at the interface,
or perhaps deposition of Fe(OH), .

Manuscript received November 21, 1955. This paper was
prepared for delivery before the Pittsburgh Meeting, Octo-
ber 9 to 13, 1955.

Any discussion of this paper will appear in a Discussion
Section to be published in the December 1957 JOURNAL.
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The Mechanism of Deposition of Titanium Coatings from

Fused Salt Baths
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ABSTRACT

The mechanism of the titanizing process, as described previously, consists mainly
in the direct collision of Ti particles dispersed in a molten salt bath (KCI, NaCl, or both
together) with the surface of the metallic or ceramic object submerged. The Ti particles
stick to the surface, and, if the temperature is high enough (e.g., for Fe above 910°C)
a part of the Ti deposited diffuses into the substrate forming a diffusion layer. Its thick-
ness conforms to Rhines’ diffusion equation.

By the titanizing method described not only can Fe, low carbon steel, Co, Ni, and
noble metals be coated, but so can ceramic materials such as porcelain and alundum.

Coatings on Fe can also be produced in fused salts (KCl or NaCl) containing lower Ti
chlorides in larger amounts but no metallic Ti. In this case the coating is produced by
an exchange mechanism, e.g., 2TiCl; + 3Fe — 3FeCl; + 2Ti (coating on excess Fe), or
by Ti formed in the TiCl,; disproportionation reaction.

The collision mechanism and the exchange mechanism may go on simultaneously
with more active metals. However, not more than 4.0% of the total Ti coating is pro-
duced by the latter mechanism. The lower Ti chlorides in the fused salt baths are formed
by the reaction Ti + 3NaCl — TiCl; 4+ 3Na; the Na evaporates partially at the working

temperature of above 900°C.

In one of the previous articles (1) on titanizing metallic
objects it was assumed that the coating was formed by
direct collision of Ti particles, dispersed in the molten
salts (NaCl or KCI), with the metal (4):

Ti (powder) + Me — TiMe alloy {T)

However, another possible mechanism is an exchange
reaction (B):

2TiCl; + 3Fe — 3FeCl; + 2Ti (on excess Fe) (I1)

or TiCl; + Fe — FeCl, 4 Ti (on excess Fe) (111)

especially as it was noticed that some lower oxidation
state Ti chlorides were always present in the salt after
the coating experiments. But these could also produce a
Ti coating by disproportionation (C) on the surface of the
object at the high temperature in the salt bath (2-5):

2TiCl; (formed in the salt bath )—

TiCl, + TiCl, IV)

or 2TiCl; (formed in the salt bath) — Ti + TiCl,

or 3TiCl; — Ti + 2TiCl; (V)

The Ti freed may adhere to the surface and may alloy
with the metal forming coatings rich in Ti according to
equation (I). Therefore, the titanizing process in case
(C) would differ from (A4) or {B) only in the source of
metallic Ti for the coating process.

As it is not possible to prove exactly the correctness of
the direct reaction (I), the reactions (II) and (III) will be
discussed first, to arrive at the most probable titanizing
mechanisms,

17

EXPERIMENTAL PROCEDURE AND RESULTS
Ezxchange Reaction (B)

In order to decide whether reaction (B) is possible, the
following data were necessary: the amount of iron chlorides
present in the melt after the reaction, and the amount of
Ti deposited on Fe (1, 3). For more complete information
the amounts of Ti present as lower chlorides in the melts
were also estimated.

There was evidence enough that the titanium lower
chlorides were formed in the coating experiments carried
out at above 1000°C: the solutions, obtained by leaching
the salt with water, showed a slight violet (or brownish)
color; they decolorized dilute KMnO, solutions and always
exhibited an acidic reaction,! which resulted from hy-
drolysis of the titanium chlorides.

Iron chlorides were not formed when ingot iron alone
was heated in KCl or NaCl under conditions identical to
those above. Thus Fe*™ (and a little Fe*t) found in the
leaching solutions could result only from reaction (B).

Amount of titantum chlorides in the melt.—This estima-
tion was based on the assumption that mainly TiCl,
was present in the NaCl or KCI salt melts. The easiest
way for determination was to hydrolyze the Ti salt and to
titrate the acid obtained. Thus, the melt was placed in
water. During the leaching and decanting operations and
while standing overnight exposed to air, Ti(OH),, acid
and hydrogen (6) were formed:

2Tixt + 7H;0 + 0.5 0, — 2Ti(OH), + H, + 4HT (VI)
i The acidity of the solutions excludes reactions such as

TiO; + 22NaCl — zTiCl: + (Ti — z) + zNa0 during the
heating process.
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TABLE 1. Mg Ti converted into chloride during heating
(I-4 hr) of the 14 g charge containing 80 w/o KCl and
10 w/o TiO; (x = 0.053). He atmosphere

Heating time, br
Charge Temp,

KCl + TiO, °C L 2 3 4
Timg | Timg { Timg | Timg

NoFe.............. .. 850 0 0 4.7 | —
With ingot Fe.... .. .. 850 0 0 29| —
NoFe................ 950 4.5 7.5{20.623.0
With ingot Fe...... . 950 4.3 6.0 | 17.7 ] 21.3
NoFe................| 1000 9.2 | 23.8|78.5 | 90.0
With ingot Fe........| 1000 6.3 | 19.7157.467.0

The iron chlorides present hydrolyzed also, but this
introduced no error since these were formed in equivalent
amounts on the basis of reaction (B). The acid was titrated
and the Ti present was calculated, as each milligram
equivalent of the acid in the leaching solution corre-
sponded to about 24 mg of Ti transformed into the
chloride during the heating operation (see Table I). The
clear solutions after the titration did not show any presence
of Ti or Fe ions.

Table I shows that titanium chloride formation is slow
at 850°C, and that the rate of reaction increases with time
and temperature, the influence of the latter being much
more pronounced than that of time. However, the melts
obtained in the presence of a piece of ingot iron always
contained smaller amounts of Ti than those without Fe.
It is possible that this cffect was caused by a difference
in the temperature of the superimposed crucibles during
the heating. Of importance is the fact that only 0.3-6.49%,
of the Ti present in the crucibles was converted into
chlorides, depending on temperaturc and time. However,
this represents a maximum amount, because TiCl; should
be in equilibrium with TiCl;. As the latter oxidizes and
hydrolyzes according to the equation

2Tt 4+ 7H,0 + 30, — 2Ti(OH)y + 6H* (VID)

the actual amount of Ti will be less than mentioned in
Table I (1 milliequivalent of acid = 16 mg of Ti instead
of 24 mg). No separate determinations were made of Ti*t
and Ti** in the melts.

Fe in the leaching solutions.—For these determinations
new melts were prepared using a 10 g charge but the
same ingredients (90% KCl and 10% TiOp.e), and
always with ingot iron (~3 g) embedded in the mixture.
The Fe of the leaching solutions was converted to the
trivalent state and determined colorimetrically by the
thiocyanate method (see Table II).
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Ti in the coatings.—After treatment in the furnace,
Fe samples were completely coated with Ti. Each sample
was washed, dried, and cut into 4 pieces to expose the
base metal. The coatings were parted from Fe by dissolving
the latter in dilute HNQ;. The parted coatings then were
analyzed for their Ti contents by a method similar to the
one described by Rahm (7). Results are shown in Table I1.

Results.—Since a known amount of Fe was present in
the salt after the runs, the maximum amount of Ti which
could be deposited on the Fe due to reactions (II) and
(IIT) could be calculated. This result could be compared
with that obtained by direct analysis of the sample coatings
(see Table IT).

Table IT shows that the Fe-Ti exchange reaction (B)
is favored by increasing temperature, but the time does
not seem to have a marked effect on the reaction. At most
only 49, of the Ti deposited on Fe can be attributed to the
exchange reaction (B). The rest must have been deposited
by other mechanisms.

A comparison of Tables I and II shows that the small
amount of Ti deposited by the exchange reaction originated
from a much higher concentration of titanium chloride
in the salt bath, in accordance with theoretical expecta-.
tions.

Decomposition Reaction (C)

As it was not definitely known whether Ti coatings on
metals could be produced by disproportionation reactions
such as (VIII), experiments were made using large amounts
of lower titanium chlorides and iron or steel specimens,
The chloride was prepared by partial reduction of TiCl,
with metallic Na. The exact composition of the reaction
product was not known, but preliminary tests showed the
presence of NaCl, TiCl;, TiCl,, Ti (in small amounts), and
perhaps some NaTiCl,. This fused salt mixture reacted
readily with water with the evolution of H; on standing,
oxidation and hydrolysis ocecurred and a white insoluble
residue, probably Ti(OH);, appeared.

Coating experiments were made using this salt mixture
(~ 809%) with NaCl added, all under He at 1000°C for
about 2 hr. A large increase in gas pressure was noticed
during the heating, presumably due to disproportionation
of TiCl; and TiCl; according to the reactions (4, 5)

4TiCl; — Ti + 3TiCl, or
2TiCl, — Ti + TiClL occurring at
about 475°C (2), (VIII)

and as a result of evaporation of the chlorides. However,
well coated samples of ingot iron plates, iron pennies,

TABLE II. Determination of the extent of reaction (B) as a possible mechanism of Ti deposition on Fe from molten salt (90 w/o
KCl) and Ti dispersions (10 w/o TiOq.es:). Mizture: 10 g; ingot Fe ~ 3 ¢

Temp, °C. ..o 850 950 950 10600

Time, De oo oo s 4 3 4 4

SAMPDIE . oo e e a b a b a b a b
Total Fe found in solution, mg............ 0.15 0.15 0.3 0.4 0.35 0.4 0.8 0.6
Mg Ti cale. from Eq. (A1) . ... ... .. ... 0.08 0.08 0.16 0.224 — 0.224 0.464 0.336
Mg Ti cale. from Eq. (III). ............ ... 0.12 0.12 0.24 0.336 — 0.336 0.696 0.504
Total Ti found in coating, mg. ............ 6.2 3.8 11.6 15.6 — 14.0 17.5 15.1
%Ti due to exchange, Eq. (II)...... ... ... 1.3 2.1 1.4 1.4 — 1.6 2.6 2.2
%Ti due to exchange, Eq. (II11)............ 1.9 3.2 2.1 2.1 — 2.4 4.0 3.3
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and steel bolts were obtained, in part because of the good
fluidity of the molten bath.

Thus, coatings can also be obtained by interaction of the
metal with lower titanium chlorides under He. The ques-
tion remains whether such coatings could be produced in
salt baths containing only a small amount, e.g., 90 mg at
a maximum, of Ti as lower chlorides in a charge of 14 g
(0.64 w/0). These amounts accumulated only toward the
end of the experiments (see Table I).

The proofs that under such conditions deposition due to
the disproportionation reaction (C) could not occur to any
appreciable extent are as follows:

1. Coatings on Fe could also be produced at 800°C and
below, even during a time of about 1 hr, when, according
to Table I, no titanium chloride at all was found in the
melt (1).

2. The weight of good coatings obtained at 950° or
1000°C (Table II) in 3 hr was nearly equal to the total
amount of Ti accumulated in the form of chlorides in
larger charge (14 g vs. 10 g) during the whole experiment
under the same conditions (Table I). To avoid excessive
evaporation of the salts, He pressure was kept just above
atmospheric pressure. It is improbable that a heavier
coating could be produced with less of the titanium
chlorides present.

3. As appreciable amounts of Ti were deposited on Fe
during the experiments (Table II), TiCls gas should have
escaped from the crucibles, as in case of reaction (VIII).
However, all efforts to detect TiCl, failed.

4. Any catalytic decomposition of the lower chlorides to
Ti metal should also result in the development of TiCly,
as the disproportionation temperature of the lower
titanium chlorides is below 500°C (2).

Hence, in the experiments with fused salt and Ti powder,
only very limited amounts of Ti, if any, could be plated on
Fe because of reactions (IV) and (V). Reaction (IT) or (IIT)
produced in the best case only about 4% of the coating.
Therefore, (I) was the only possible reaction that remained
responsible for 969, of the Ti coating. This is also logical
because the melts contained 109, Ti or TiO, powder,
while there was only 0.6% or less Ti in the form of lower
chlorides at the end of the experiments. Of course, if the
amount of lower chlorides in such melts were much higher,
deposition from chlorides would be possible, as in the case
of mixtures rich in TiCl; and TiCls.

Titanium Deposition Reaction (A)

Further evidence in favor of reaction (I) is the fact that
metals can be titanized even though they are electro-
chemically more noble than Ti. It may be that in fused
salt baths the potential of Tiand of Fe approach each other
s0 that the exchange mechanism (B) becomes possible.
However, it is difficult to assume that the potentials of
Co, Ni, Cu, Au, and Pt also will be close to that of Ti in
molten salt baths under He. Nevertheless, it is possible
to titanize all these metals using the same technique as
that used to obtain Ti deposits on Fe. In the case of Cu
the weight of the sample always increased after the
titanizing, and no Cu ions could be found in the leaching
solutions. Thick and coherent Ti layers were obtained on
Au and Pt, which could be easily removed by dipping the
samples in HF,
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DiscussioNn AND CONCLUSION

All the facts mentioned above lead to definite conclusions
concerning the mechanism of titanizing. In addition, the
formation of Ti dispersions (8) and the corrosion of Ti
in salt baths in the presence of air must be considered.

Oxygen of air diffuses through the molten salt layer and
is absorbed by the metallic Ti giving TiO, solid solutions
(14). As these have a greater volume than the pure metal
and also probably different expansion coefficients, the
TiO, breaks away in small particles from the solid Ti.
Particles are dispersed throughout the liquid salt melt
mainly by convection currents. X-ray pictures of the TiO,
particles showed an expanded lattice but no abnormal
broadening of the powder lines. This indicates that the
particle size of the TiO, alloy formed is not of colloidal
dimensions. Hence, the salt melt obtained cannot be
called a colloidal solution (9), but it is rather a dispersion
of TiO, particles in a fused salt bath. Of course, corrosion
of the metal is very small in the absence of Os; that which
does occur may be due to some residual O, or to presence
of oxides, e.g., SiO, of the crucibles.

It could not be determined whether fine particles of
TiO. are necessary for the coating process or simply fine
particles of pure Ti. Oxygen-free powder in a sufficiently
small grain size was not available; fines obtained by sieving
Ti sponge always contained 3-5% O..

These experiments indicate that the coatings were
formed on the direct impact of Ti particles. Evidently the
metallic surface was first cleaned by action of the fused
salt, and surface oxides were reduced by dispersed Ti
particles. Thus, titanium particles could easily stick to
the clean metallic surface. It was not determined in detail
whether or not the O, of the Ti particles was transferred
to the coating during the deposition process. But there
were indications that there was more O, in the particles
than in the coating, because the oxygen content of the
remaining particles (not used up in the deposition process)
increased (3).

Formation of coatings on ceramic material, such as the
inside of alundum crucibles and thimbles, can be explained
by the direct collision and sticking of titanium particles
to the walls. Contrary to a patent description (10), no
electric current and no lower chlorides are necessary to
produce thick Ti layers on silica-containing ceramic
material. Immersion in a fused salt bath and Ti mix suf-
fices. The inside walls of porecelain crucibles in the present
experiments were always titanized: Ti particles in the

TABLE III. Observed and calculated thicknesses x of diffu-
ston layers of Ti into ingot iron

Bath: KC1 90%, Tiss05 109,

Coating temp, Coating Diﬂusiig]:n l;.xyers x
time Aomom
| hr

°C °K obser. cale.

850 1123 2 0.000 0.013 —0.013

950 1223 2 0.044 0.042 +0.002

950 1223 4 0.068 0.066 -+0.002

950 1223 6 0.088 0.081 -+0.007
1000 1273 2 0.082 0.085 —0.003
1000 1273 4 0.135 0.120 +0.015
1000 1273 6 0.150 0.148 -+0.002
1000 1273 9 0.164 0.178 —0.014
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fused salt reduced the SiO; to Si (black in appearance),
and Ti was deposited, in forming solid solutions with this
Si. X-ray powder pictures of the black substance of the
crucibles, from which the Ti was removed by dissolution in
dilute IF, showed the presence of weak Si lines.

If deposition of Ti occurred from lower titanium
chlorides in molten NaCl or KCl baths [Eq. (VIII)], the
mechanism was the same, i.c., by alloying the Ti formed
with the object. If deposition occurred by the displacement
mechanism (B), the necessary lower titanium chlorides
were formed in the melts because of the reaction (5):

Ti + 2NaCl — TiCl, 4 2Na (IX)
or Ti + 3NaCl — TiCl; + 3Na (xX)

At the temperatures used, Na partially evaporated and the
reaction went to the right so that some amounts of Ti
chlorides could accumulate in the salt. Reactions (IX)
and (X) are in agreement with previous work on the Ti-
fused salt-Pt cell (11) and with the experimental results of
Skinner and Ruehrwein (5), which, however, were carried
out at much higher temperatures (1670°-1830°C). Evi-
dence for the presence of Na vapor was the reduced Si
on the outside of the crucibles and on the inside of the
mullite tubes of the furnaces. It is not very probable that
the effect was produced by Ti because of its low vapor
pressure as compared with that of Na. The formation of
TiCl; in the leaching solutions is then explained by decom-
position of water by the divalent Ti ion (6):

Titt + H,O0 — Ti*t + OH' + iH, (XT)

In fact, evolution of small gas bubbles could be observed
in the leaching solutions, which were brownish at first.
The trivalent titanium chloride which gave violet solutions
could also be formed directly according to reaction (X).
Furthermore, thin layers of a green substance were some-
times visible in the solid salt if broken out of the crucibles
[see reactions (IV) and (V)]. This substance probably
resulted from the reaction:

NaCl + TiCl; — NaTiCl, (XII)

The Ti layer formed on the surface of a metallic object
either by direct collision with Ti or TiO, particles or by the
exchange mechanism (B) was never pure (as proved by
x-ray fluorescence analysis) but contained appreciable
amounts of the metal of the substrate, e.g., Fe. Hence,
by the method under discussion, good Ti layers will be
produced only if the mutual solid solubility and the rate
of diffusion of Ti in the metal of the substrate is high
enough at the temperatures of the experiment. At such
conditions Ti coatings can be formed with a decrease of
the free energy of the system. If the concentration of pure
Ti in the outer layer becomes too high, deposition stops.
This explains why the Ti coatings are comparatively thin
(3). However, diffusion of Ti into the depth of the substrate
continues, producing the diffusion layer [Fig. 5 of Ref. (3)].
The Ti for the diffusion layer is delivered by the outer
coating. The thickness z of the diffusion layer at a time ¢
is related according to Rhines (12) with the absolute
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temperature T at which the diffusion occurs in the follow-
ing way:

log 2%/t = a — /T (XTIII)

where a and b are constants different from the diffusion
coefficient appearing in Fick’s diffusion law (13). In the
previous article (3) a series of z — ¢ — T data were sum-
marized in Table II. From this table data were drawn
which were obtained at completely identical experimental
conditions, and the constants @ and b were calculated from
the data. The following values were obtained: a = 10.03
and b = 15,880. Substituting these values for ¢ and b
in Eq. (XIII), the thickness z of the diffusion layer was
calculated for the time ¢ at a temperature T, and compared
with the experimental values (Table IIT).

Table ITI shows clearly that the diffusion of Ti into ingot
iron proceeds according to equation (XIIT). However, at a
temperature of 850°C no diffusion layers in Fe could be
observed, although a layer of about 0.013 mm was indi-
cated by Eq. (XIII). Hence, it is very possible that the
diffusion of Ti in Fe starts with a faster rate only above
the 8 — v transformation point of Fe, i.e., above 910°C.
The thin Ti coating of 0.0044 mm obtained at 850°C is
formed by Ti particles sticking to the Fe surface. Tron
diffused into the layer, decreasing its free energy.
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Electrodeposition of Metals from Organic Solutions

I1I1. Preparation and Electrolysis of Titanium and Zirconium Compounds in

Nonaqueous Media

W. E. REeip, Jr., J. M. BisH, AND ABNER BRENNER

National Bureau of Standards, Washington, D. C.

ABSTRACT

Numerous nonaqueous solutions of .-Ti and Zr compounds were electrolyzed in an
attempt to electrodeposit the metals. Ether solutions containing halides, hydrides,
borohydrides, and organo-metallic compounds of Ti and Zr were the most promising.
A mixed type of bath containing both hydrides and borohydrides yielded Ti-Al alloys
containing about 6% Ti. Similar baths containing Zr instead of Ti gave alloy deposits
containing up to 45% Zr. New methods of preparation of titanium and zirconium boro-

hydrides were developed.

Coatings of Ti would be of considerable value for pro-
cting steel against corrosion, For this reason, methods for
actrodepositing Ti have been under intensive investiga-
m by many workers during the past few years.
Attempts to electrodeposit Ti go back over 100 years
hen Becquerel (1) claimed to have deposited a Ti-Fe
loy from aqueous solution. Experiments on aqueous
ectrolysis have continued since that date without success,
sspite claims to the contrary. Russell (2, 3), investigating
ectrode potentials, reported that Ti amalgamated with
g to a very slight extent. He electrolyzed an acid solution
TiCl; using a water-cooled rocking Hg cathode at a high
urent density. He claimed a deposition rate of 0.2 g
i/hr. A method was patented (4) for plating Ti on a
ase metal from strongly alkaline solutions at low current
nsity. About 20 mg Ti were deposited by 0.1 amp-hr,
hin, black coatings of Ti on Pb, Zn, or Sn cathodes were
»posited from solutions containing Tig(SO4); and Na,SO,
7). Tartaric acid solutions were also suitable. Grat-
anskii (8) obtained thin Ti films on a Cu cathode from
ifanilic acid solutions. A patent was issued (9) covering
1e electrolysis of salts melted in their water of crystalliza-
on; titanium sulfate trihydrate was one of the salts
entioned. Fink (10) patented a bath consisting of TiO,,
T, HCl, and gelatine with traces of Cu to depolarize
1e deposition of Ti. Keys and Swann (11) reported their
ability to plate Ti from aqueous solutions.

Ti contaminated with oxides has been deposited from
jucous sols containing ecolloidal Ti, but it could not be
ectrodeposited from solutions of its salts (12). A very thin
sposit of Ti-Zn alloy was obtained from aqueous solutions
mtaining a peroxide and tartrate (13). Some alloy de-
ssits containing Ti were formed from anhydrous and
jueous systems (14). Three general references on Ti are
wcluded in the bibliography (15-17).

Experiments on the electrodeposition of Zr have also
iled to yield any successful metallic deposits. Bradt (18)
aimed to have established optimum conditions for plating
right Zr from solutions of zirconyl sulfate on a Cu cathode.
he deposits were very thin. Laubengayer (19) confirmed
1e findings of Bradt, but Plotnikov (20) obtained only
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H at the cathode. An investigation of the electrodeposition
of Zr from organic plating baths was unsuccessful (21).
Holt (22) investigated the electrodeposition of Zr from
aqueous and organic plating baths without obtaining any
successful metallic Zr deposits.

This shows that up to now no substantiated evidence
has been presented for the successful electrodeposition
of Ti or Zr from either aqueous or organic plating solutions.
Although Ti metal can be deposited from high temperature
fused salt baths (23, 24), the operational difficulties in-
volved make the development of a plating bath capable
of operation at room temperature highly desirable.

The available evidence indicates that these metals are
probably too reactive to be electrodeposited from aqueous
solutions. This conclusion has focused attention on the
use of organic solvents as a plating medium. Although
organic plating baths have been known for many years
(25), it was not until the development of the hydride
aluminum plating bath by Couch and Brenner (26) that
the consistent deposition of good plates from an organic
plating bath was demonstrated as feasible.

SOLVENTS

In the exploratory phase of the work here (1951-52),
Sherfey and Senderoff of this laboratory dissolved Ti
halides in a number of solvents and electrolyzed the
resulting solutions. No successful deposition of the metal
resulted. However, the systems investigated are listed in
Table I to indicate the diversity of solvents tried. The
conclusion is that Ti halides were not the proper type of
compound. Of the solvent types used, ethers were the most
suitable. >

Atmospheric oxidation of ethers to peroxides and other
compounds oecasionally caused difficulties. For example,
the first additions of lithium aluminum hydride to 1,2-
dimethoxyethane or tetrahydrofuran reacted very vigor-
ously. This was caused by impurities resulting from
atmospheric oxidation. Acetaldehyde was identified in
the dimethoxyethane. The latter is so sensitive to oxidation
that even a very brief exposure to the atmosphere resulted
in formation of peroxides. Ethers should be free of oxidized
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TABLE I. Solvents in which Ti halides were electrolyzed

Hydrocarbons

Benzene
Toluene + Li
Toluene + Na

Halogenated Hydrocarbons

Benzotrichloride

Bis (trifluoromethyl) ben-
zene

Tert-butyl chloride

Tert-butyl chloride + dry
HCl

Ethyl bromide

Ethylidene chloride

Ethylpyridinium bromide
+ aluminum chloride

1,1,1-Trichloroethane

Trichloro-fluoro-methane

Alcohols

Butyl alcohol

Tert-butyl alcohol

Carbitol

Ethanol (0°C and 25°C)

Ethanol 4+ boron trifluoride

Ethanol 4+ ethyl ether +
HCl

Ethanol 4+ HCI

Ethanol + HCl (aqueous)

Ethanol + Na

Ethanol + tetramethylam-
monium hydroxide

Ethylene glycol

Glycerine

Glycol

Methanol

Methanol + tetraethyl-lead

Ethers

Butly ether + AICl;

2-Ethoxyethanol

1,4-Dioxane

1,4-Dioxane 4 Li

1,4-Dioxane + Na

Ethyl ether

Ethyl ether + AlBr;

Ethyl ether + AlBr; +
LiAH,

Ethyl ether + AICl;

Ethyl ether + AICl; +
LiAH,

Ethyl ether 4+ Li

Ethyl ether + LiBH,

Ethyl ether + Na

Ethyl ether + NaBH,

Tetrahydrofuran

Ketones
Acetone

Acids

Acetic acid

Acetic acid + acetic anhy-
dride

Trifluoracetic acid anhy-
dride

Amines

Pyridine
Pyridine
fluoride
Iminodipropionitrile
Ethylenediamine
Isopropylamine

+ boron tri-

Amides

Dimethylacetamide

Dimethylformamide

Dimethylformamide + Li

Dimethylformamide + Na

N,N - dimethyltrichloro-
acetamide

Nitriles

Diallyleyanamide
Dimethylcyanamide
Acetonitrile
Acrylonitrile
Oxydipropionitrile

Miscellaneous

Aluminumdiethyl bromide
+ aluminum ethyl di-
bromide

Aluminumdiethyl bromide
+ aluminum ethyl di-
bromide + toluene

Benzothiazole

Methylmagnesium bromide

Methylmagnesium bromide
+ ether

N -methylpyridinum methyl
sulfate

Methyl sulfate

Methyltrichlorosilane

3-Nitro 4-chloro benzo-
trifluoride

Nitromethane

Isopropyl titanate

Inorganic

PCl;
8:Cl.
80.Cl,
S0OCl,
Til,
Water

compounds when used as solvents for organometallic,
hydride, or borohydride type compounds, such as were

used in this study.

A necessary prerequisite of a plating bath is that a
high concentration of complexed ions be maintained in
solution. This made necessary a study of the solubilities
of Ti and Zr compounds in various organic solvents.
Approximate solubilities obtained at room temperature

are given in Table IT.
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Ti anp Zr ComrLEX HYDRIDES

Ti (II1) borohydride solutions.—The borohydrides con-
stitute a new typeof electrolyte, the electrolytic proper-
ties of which have not been previously investigated. These
compounds may be divided roughly into two classes:
the ionic borohydrides and the covalent borohydrides.
The ionic borohydrides, such as NaBH,, are quite stable
even when exposed to the atmosphere. They are insoluble
in the usual organic solvents. The covalent borohydrides,
such as those of Be or Al are unstable and are much more
reactive. They react spontaneously with the atmosphere,
often with explosive violence, and must be studied in an

TABLE I1. Solubilities of Ti and Zr compounds in various
organic solvents

Solvents Solubility (g/100 ml)

Bis-cyclopentadienyl Titanium Dibromide

Petroleum ether............. ... Insoluble
Ethanol........................ Very slight
Ethyl ether.................... 0.17
Benzene. ... ... ... ... ... .. 0.34
Chloroform.................... 0.92
Phenetole...................... 1.09
Acetone.............. ... ... 1.15
Tetrahydrofuran............... 1.24
1,2-dimethoxyethane........... 1.99
Dimethylformamide............ 3.55
TiCl,
Benzene....................... Completely miscible
Acetone.............. ... ... Very soluble
Ethanol........................ Very soluble
Tiqu
Ethyl ether.................... 4.4

Titanium Trifluoroacetate

Ethyl ether.................... Slightly soluble
Anisole........................ Soluble
1,2-Dimethoxyethane...........| Soluble
Dimethylformamide............ Soluble
Benzene........................ Insoluble
ZI‘C14
Ethanol........................ Soluble
Ethylether.................... 1.1
Methyl ether................... 5.4 at —23.6°C
Benzene........................ Very low (less than
ether)
Anisole........................ 2.7
Dimethoxyethane........ ... .. 6.8
Phenetole...................... 7.1
Tetrahydrofuran............... 14.1
ZrBr,
Pxylene....................... 0.2
Ethyl ether.................... 1.2
Dimethoxyethane.............. 50.3
Tetrahydrofuran......... ...... 53.0
TiCl;
Tetrahydrofuran............... 2.5
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inert atmosphere. The covalent borohydrides are usually
very soluble in organic solvents, and this property makes
them of interest as electrolytes.

Hoekstra and Katz (27) prepared titanium(III) boro-
hydride, Ti(BH,)s, by passing TiCl, over LiBH,. Titanium
(III) monochloroborohydride, TiCl(BH,),;, was formed
when TiCl, reacted with AI(BH,);. Ti(BH,); was green and
the monochloroborohydride was blue. Ti(BH,); was re-
ported to be unstable at room temperature, decomposing
completely within several days (27).

Ti(BH,); was prepared by this method, but it was un-
satisfactory for preparing more than milligram quantities.
Ti(BH,); for plating experiments was prepared by the
reaction of a Ti halide with A1(BH,); or LiBH, in ethereal
solution. All experiments were performed in a He atmos-
phere, and no attempt was made to isolate the resulting
Ti(BH,);. As shown in Table III, some T1i halides reacted
with Al(BH,); to give green solutions, and some gave blue
solutions. Assuming that the ether solutions had the same
color as the compounds, this indicated in some cases the
solutions probably contained a mixture of both types of
titanium borohydrides.

Results of the electrolysis experiments with the Ti(BH,);
solutions are included in Table ITI. Pure metal was not
obtained. Ethereal borohydride solutions prepared from
Ti halides all yielded nonmetallic, black, moisture-sensitive
deposits on electrolysis. None of the solutions conducted
very well. A tetrahydrofuran solution of titanium (III)
borohydride tetrahydrofuranate did not conduct at all.

The black deposit obtained from electrolysis of the
green solution of TiCl,-Al(BH,); (Table III, No. 7) con-
tained 199% Ti and may be considered typical in composi-
tion and appearance for the nonmetallic Ti deposits
described in Table III. It also contained 199, Al, 339 C],
and undetermined B. As this solution was electrolyzed,
the intensity of the green color diminished and a brownish-
red material which formed at the Al anode soon discolored
the solution.

Ethyl ether solutions of Ti borohydride were unstable
on standing for several days at room temperature, as
indicated by a change in color from green to brown, a
decrease in conductivity, and precipitation of a brown
solid.

Addition of hydride aluminum plating bath (26) to
TiCl,-Al(BH,); solution gave a brown solution (Table
ITI, No. 9). Electrolysis of this solution gave a good
metallic deposit containing Ti, Al, and B. Maximum Ti
content of an alloy deposit obtained from a bath of this
type was 6.5%. A deposit obtained from this same bath
four days later contained 169% Ti, 94.7% Al, and 26% B.

Uncertainty regarding composition of the borohydride
compound in the solutions led to attempts to prepare pure
Ti(BH,);s by a new method satisfactory for producing
large quantities. This involved the reaction of diborane
with a Ti ester of the type Ti(OR),. Titanium borohydride
tetrahydrofuranate, Ti(BH,);-CHsO, was formed in
tetrahydrofuran. Preparation of this compound is discussed
in the Appendix.

An ether solution containing titanium borohydride
tetrahydrofuranate and hydride aluminum plating bath
was electrolyzed. The resulting alloy deposit contained
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TABLE III. Electrolysts of ethyl ether solutions of Ti(BH,)s
and ZI‘(BH;)4

Preparation of electrolyte Wt. 9,
Color of Nature of Ti or
Ti or Zr Reagent solution deposit Zriin
salt present added deposit
1. K,TiFs AN(BH,), Color- | None —
less
2. TiCl, LiBH, Blue Black, —
moisture
sensitive
3. NaTiCl, LiBH, Color- | None —
less
4, TiFa LiBH4 _— Ti deposit —_
5. TiF4 LiBH4 Blue Black, —
moisture
sensitive
6. TiCl; Al(BH,), Blue Black, 22.4
moisture
sensitive
7. TiCl Al(BH,); Green Black, 19.1
moisture
sensitive
8. TiBrs LiBH, Blue Black, —
moisture
sensitive
9. TiCl,4 Al(BH,), Brown | Metallic 6.5
+ Al
plating
bath
10. ZrCly, Al(BH,)s Brown | Metallic 22.9
+ Al
plating
bath
11. ZrCl, Al(BH,); Color- | Black, 34.2
less* moisture
sensitive

* Zr(BH,), solutions are colorless.

6.39, Ti. Attempts to prepare a plating bath by direct
addition of LiAlH, solution alone instead of addition of
the hydride aluminum bath to Ti(BHj); solution at room
temperature caused decomposition as indicated by a
vigorous evolution of gas and the formation of a black
solid which discolored the solution. This would indicate
that LiAlH, reacts or complexes with AlICls preferentially
so that its reactivity with Ti(BH,); is decreased.

Titantum aluminum hydride—In the reaction of LiAlH,
with Ti(BH,); titanium aluminum hydride, Ti(AIH,),
may be formed first but then decomposes immediately.
This seems likely because the compound has been re-
ported in the literature (28) as being stable only at dry
ice temperature or below and decomposing on warming to
room temperature. The compound is insoluble in ethyl
ether at its temperature of existence. Some of the com-
pound was prepared in methyl ether at —80°C and the
solution was electrolyzed as it warmed up slowly to the
boiling point of this solvent. The compound did not
appear to be very soluble in this ether, and conductivity
was very low. No metallic deposit was obtained.

Zr-AL Artoy BartHs

Type A bath (Zr(BH,), and LiAlH,).—Zr(BH,), in ether
did not conduct, and ether solutions of LiAlH, were only
slightly conducting. When these two solutions were mixed,
however, the resulting solution conducted very well, and
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a sound metallic deposit containing about 89, Zr was ob-
tained. The ratio of LiAlH; to Zr(BH,),; necessary to
obtain a metallic deposit from these ether solutions was
critical. This was shown by a comparison of baths contain-
ing the following ratios: (a) 1.7; (b) 1.0; and (¢) 0.5. Only
in the case of (b) was a metallic deposit obtained on
electrolysis. The other two solutions gave black moisture-
sensitive deposits. Solution (a) was unstable and, after
standing for several hours at room temperature, a metallic
deposit was formed which coated the wall of the reaction
vessel. Similar decomposition occurred with solution (3),
but much more slowly and to a lesser degree. Solution (c)
did not decompose, remaining unchanged even after
standing several days.

Type B bath (Type A bath with AICl;).—The successive
addition of AICl; to Type A baths resulted first in a marked
increase in the amount of Zr in the alloy deposit, and then
a gradual decrease. However, even when the AlCl; content
was relatively large, the Zr content of the deposit was still
greater than in the alloys from Type A baths. The result
suggests that AlICl; is an important component of these
baths. Several baths of this type were made up with differ-
ing ratios of Zr(BH,): to AICl; to determine the relation
between bath composition and deposit composition. Re-
sults of this study are listed in Table IV, These data show
that Zr content of the deposits does not vary regularly
with Zr content of the baths.

Type C bath—In earlier work, Al(BH,); and ZrCl; were
used instead of pure Zr(BH,),. The deposits obtained
were similar in appearance and Zr content to the alloys
from Type B baths. The deposit with the highest Zr con-
tent obtained from this type of bath contained 44.5%
Zr, 53.0% Al, and 2.5% B. Due to the greater number of
variables in Type C baths, they were not studied as
extensively as Type B baths.

Characteristics of the Zr Plaling Bath

These baths are similar to the aluminum hydride bath
(26) in that they are subject to decomposition by the
atmosphere. As Zr and Ti dissolved anodically with poor
current efficiency in these solutions, Al anodes were used
in all cases. Although this metal dissolved anodically with
good efficiency, some decomposition still occurred at the

TABLE 1V. Electrodeposited Zr-Al Alloys from plating
baths containing hydrides, borohydrides, and chloride

Composition
Bath composition Mole of deposit
(moles/liter) ratio
% by weight
: e
Zr(BHg)4 AlCl; | LiAiHs | ZrCl 5} =< Zr Al B
= N
1. 0.335 — 0.335] — — — 8.1/ 85.2| 1.9
2. 0.223 0.057| 0.153] — — {1 4:1} 11.8] 90.8| 2.5
3. 0.335 0.150| 0.235] — — | 2:1 ] 42.1| 48.6| —
4. 0.804 0.784| 0.616] — 1:11 9.5 — | —
5. 0.335 0.450| 0.305{ 0.112( — | 1:1 | 26.3| 74.5| 3.4
6. 0.168 0.168] 0.108] — — | 1:1 | 14.0| 82.6{ 2.5
7. 0.335 0.670; 0.305| — — | 1:2 1 19.2{ 70.0 4.5
8. 0.335 2.01 | 0.305 — — | 1:6 | 15.1] — | —
9. — 0.653| 0.720; 0.287/0.440| 1:2 8.9] 71.5, —
10. 0.335 0.650| 0.525| 0.335) — | 1:2 9.3| 89.0| 6.4
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anode. With Zr and Ti anodes, decomposition was much
more rapid.

The alloy baths were unstable and gave no deposit
after a few weeks use. They appeared to be stabilized by
AICl;, which also improved the appearance of the deposits.
Those baths which contained only a small amount of AlCl,
relative to Zr(BH,)s were so unstable that metal deposition
usually ceased after the bath had stood for 24 hr. On
prolonged electrolysis, the Zr content of the deposits
usually decreased more than could be accounted for by
depletion of the Zr content of the solution.

At a LiAlH,—Zr(BH,); mole ratio greater than unity,
spontancous decomposition of the bath occurred, and a
metallic mirror deposited on the surface of the electrolysis
cell. Analysis of one such deposit gave the following
results: 12.4 Zr, 78.8 Al, 9.2 B (per cent by weight).

If the complexes in these baths are similar to those of
the hydride aluminum plating bath, then LiH should be
as effective as LiAlH,, but this was not the case. LiHl did
not react with an ether solution of Zr(BH,)s, and the re-
sulting suspension did not conduct. When this experiment
was repeated with equimolar quantities of AlCl;, LiH, and
Zr(BH,),, the resulting solution gave no metallic deposit
on electrolysis.

Ethyl ether plays a more important role than that of a
mere solvent in these baths, as LiAlH, and Zr(BHy), do
not react in its absence. In the presence of ether they
reacted vigorously to form a brownish-purple solution.
Since the resulting solution conducted well and gave an
alloy deposit when electrolyzed, the ether apparently
served both as a complexing and ionizing medium for the
LiAlH,.

The Zr compound responsible for deposition of the
alloys is probably a zirconium borohydride-aluminum
hydride complex which is formed in solution. This view is
supported by the observation that LiAlH, conducts poorly
in ethyl ether, and Zr(BH,)s does not conduct at all.
When the two solutions were mixed, a white solid of
empirical composition Zr(AlH); formed immediately.
With excess Zr(BH,),, the white solid dissolved to give a
solution of good conductivity. The solubility of Zr(AlH,),
in an excess of Zr(BH,),, and the good conductivity of the
resulting solution indicate the presence of a complex.

Preparation of the compound Zr(AlH,), is included in
the Appendix since it has not been reported previously
in the literature.

OreaNOMETALLIC COMPOUNDS

Organotilanium compounds—Only within the last few
years have methods become available for preparation of
compounds containing Ti—C bonds (29-31). Such com-
pounds would have greater solubility and greater stability
in organic solvents than the hydride type previously used
in plating solutions. Although preparation of such com-
pounds is time-consuming, it was thought that their
study would be of interest in view of the fact that other
metals can be deposited from baths containing organo-
metallic compounds (32).

Two organotitanium compounds were studied: bis-
(cyclopentadienyl)titanium(IV) dibromide and phenyl-
titanium triisopropylate.
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A quantity of Dbis-(cyclopentadienyl)titanium(IV)
dibromide (29) was prepared, and numerous solutions of
this compound in various solvents were electrolyzed. In
no case was Ti deposited. Solubility of this compound in
organic solvents is very low, and its solutions are weakly
conducting, indicating that it does not form ionic com-
plexes easily. Solubilities of this compound are listed in
Table II1.

Phenyltitanium triisopropylate was prepared as de-
scribed by Herman and Nelson (30). The compound was
not isolated, but its resulting ether solution was electro-
lyzed. Conductivity was very small and was not improved
by addition of NaH or phenyllithium. Electrolysis of this
solution did not give a metallic deposit.

Organozirconium compounds.—Up to the present, the
only organozirconium compound described in the literature
is the bis-(cyclopentadienyl)zirconium (IV) dibromide
(31). In view of the lack of success with the similar Ti
compound, no attempt was made to synthesize this Zr
compound.

Addition of Zr(BH,)s; to an ether solution of phenyl-
lithium turned the solution black and caused evolution of
heat. A similar reaction occurred with ZrCly and phenyl-
lithium. In both cases the isolated reaction product
gave a good Michler’s ketone test for a carbon to metal
bond. Although the exact composition of this compound
was not determined, analyses indicated that it contained
an appreciable amount of C. When the solvent was com-
pletely removed from this compound, the product was a
tan powder (mp 175°-185°C) which reacted vigorously
on exposure to the atmosphere. It was soluble in phenetole,
benzene, and tetrahydrofuran, and sparingly soluble in
ethyl ether and dimethoxyethane. Ethyl ether solutions of
this compound conducted slightly, but no metallic deposit
was obtained on electrolysis. Although the compound was
not very soluble in ether, it dissolved readily when phenyl-
lithium was added to a suspension in ethyl ether. A solid
separated out of the benzene solution after several weeks.
The precipitate was insoluble in the solvents previously
mentioned and did not react with phenyllithium. This com-
pound, discussed further in the Appendix, is probably an
impure phenylzirconium derivative.

PERFLUOROACID SALTS

The presence of the fluorinated hydrocarbon chain in
perfluoroacid salts makes these salts highly soluble in
many organic solvents and suggests their use in organic
plating baths. The Ni, Ag, Ti, and Zr salts of perfluoroace-
tic acid were prepared as described in the Appendix.

None of these salts yielded a conducting solution in
ethyl ether or benzene. The Ni salt of perfluoroacetic
acid dissolved in dimethylformamide to give a conducting
solution from which a Ni deposit was obtained. These
deposits were stressed, poorly adherent, and contained
organic matter.

A Ti derivative containing chloride was prepared by
direct reaction of TiCly with trifluoroacetic acid. An
attempt to prepare the Ti salt in benzene solution was
unsuccessful. TiCl, reacted in benzene solutions of silver
trifluoroacetate or silver perfluorobutyrate to form a white
precipitate. It probably consisted of the Ti compound,
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which is relatively insoluble in benzene, mixed with AgCl.
Conducting solutions were obtained with the titanium
trifluoroacetate derivative dissolved in dimethoxyethane,
anisole, or dimethylformamide. No deposit was obtained
from any of these solutions on electrolysis.

Fusep ORGANIC SALT SYSTEMS

Several organic salt systems, which are molten at low
temperatures, were studied. Two quaternary ammonium
tetrachlorodibromotitanates which were the double salts
of TiCl; with tetraethylammonium bromide and ethyl-
pyridinium bromide (33) were prepared and investigated.
These salts melt near 200°C. Electrolysis of each of these
salts at 250°C gave no deposit. Addition of either of these
salts to the ethylpyridinium bromide-AlCl; type of Al
plating bath (34) gave a black, tarry deposit when electro-
lyzed. These deposits contained Ti.

When this bath was electrolyzed with a Ti anode, metal-
lic deposits of a Ti-Al alloy were obtained, but with very
low cathode efficiency. This bath yielded deposits con-
taining up to 14% Ti. Alloys of higher Ti content could not
be obtained, presumably because of electrolytic decomposi-
tion of the bath on prolonged electrolysis.

Hurley-Wier baths containing the following compounds
were also electrolyzed: tetraisopropyltitanate, bis (cyclo-
pentadienyl)titanium (IV) dibromide, and sodium titanium
chloride. The anode was Al. In no case was a metallic
deposit obtained.

For use in fused salt electrolysis, a series of anhydrous
trivalent Ti halogen derivatives of the general formula
MTiCl, was prepared. The sodium derivative was prepared
by reduetion of TiCl, with Na in an inert solvent at 100°C.
The green salt obtained reacts with many polar organic
solvents, and behaves much as TiCl;. It dissolves in fused
halide melts to form a solution from which Ti may be
obtained on electrolysis. These compounds have been
described (38) and will be the subject of a future publica-
tion.

Lower VaLENT T1 CoMpouNDs IN ORGANIC SOLUTIONS

Lower valent Ti compounds were prepared in various
ether solutions by the reduction of TiCl; with various
reducing agents (see Appendix). Electrolysis of these
solutions did not yield a metallic deposit.

PrepraraTION OF TiCls

An essential part of this program was preparation of
new compounds and simplification of present methods of
preparation of compounds used in electrolysis studies. An
improved method for preparation of TiCl; falls under the
latter category.

By reaction of TiCl; with hydrogen in a bomb at 500°C
and 2000 1b/in.2, 12% was reduced to TiCl; in 30 hr. If
allowed to proceed for a longer time this reaction may give
a rather high yield of TiCl;. This method has certain ad-
vantages over other procedures employing hydrogen in
that a lower temperature is used, so that the possibility of
contamination with TiCl, is minimized, and the reaction
requires no attention while in process. Presumably, the
use of higher pressures would considerably speed up the
reaction. The preparation of this compound is discussed
further in the appendix.
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Manuseript received May 21, 1956. This paper was pre-
pared for delivery before the Boston Meeting, October 3
to 7, 1954. The work was sponsored by the Wright Air
Development Center under USAF Contract No. AF(33-
616)53-11.

Any discussion of this paper will appear in a Discussion
Section to be published in the December 1957 JOURNAL.
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APPENDIX

PrEPARATION OF Titanium (I1I) BoROHYDRIDE
FROM TETRABUTYL TitanaTe, Ti(OC.H,),,
AND DIBorRANE, B:H,

Diborane (67.0 millimoles) was passed into a tetra-
hydrofuran solution containing 29.0 millimoles of tetrabutyl
titanate.! A dark blue solution was formed and blue crystals
settled out. The solution was filtered in a He atmosphere
and the crystals washed with petroleum ether. Yield as
Ti(BH;):: 26.1 millimoles. The filtrate was evaporated
nearly to dryness, and a high boiling (225°C) colorless
liquid remained [the reported boiling point of tributyl
borate is 229°-230°C (35)]. This liquid had properties similar
to those of boron esters, but the amount isolated was too
small to study thoroughly. With tetraisopropyl titanate,
the borohydride was obtained in 909, yield.

Analysis:

Calculated for Ti (BHs)s CaH:O (%) Found
Ti 29.2 29.1
B 19.4 14.5
H 122 10.3
C 29.2 33.0

The crystalline blue solid underwent partial decomposi-
tion at 135°-140°C, and on heating to a higher temperature
decomposed completely with the formation of a bright
metallic mirror on the walls of the container. It was in-
soluble in the usual organic solvents except for tetrahydro-
furan but reacted readily with peroxide-contaminated
ethers and active solvents, such as water.

Ti(BH,); apparently is stabilized by coordination with
tetrahydrofuran, as indicated by the facts that large crys-
tals of the compound react rather slowly on exposure to the
atmosphere (the finely divided compound occasionally
ignites spontaneously), and the compound can be stored in
closed containers for long periods of time without noticeable
decomposition,

REeactioN oF DiBoraNE wiTH TiCly anp ZrCl,

When TiCls or ZrCl, reacted with diborane in tetrahydro-
furan, the borohydride was not obtained. Crystalline Ti
and Zr compounds having the approximate empirical
formula MCl_¢(C:H:0), ; were isolated from these solu-
tions.

Analyses: Ti compound: %Ti = 14.5, %Cl = 28.1, %C =
379, %H = 6.4; Zr compound: %Zr = 24.5, 9%,Cl = 26.1,
remainder organic material. The impure compounds con-
tained a small amount of B. The Zr and Ti compounds were
white and blue, respectively.

Compounds similar to those described here were obtained
by reduction of TiCl, in tetrahydrofuran with LiH.

PrEPARATION OF Zr(BHy),

Preparation of this compound from KZrF; and A1(BH,);
has been described by Hoekstra and Katz (27). Initially,

1Obtained from the du Pont Co.
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ether solutions of this compound were prepared in situ by
adding to an ether solution the stoichiometric quantities of
reactants, according to either of the following reactions:

ZI‘CI4 + 2A1(BH4)3 = ZT(BH4)4 + 2A1BH4CI2 (I)
KZrF; + 2A1(BH,); = Zr(BHJ), + KF + 2AIBH.F. (1)

Reaction (I) has the disadvantage that both reaction
products are soluble in ether and difficult to separate.

Since Zr(BH,), and Al1(BH,); are soluble, the latter con-
taminates the product of both reactions (I) and (II) if an
excess is used. For this reason reaction (II) was carried out
with a slight excess of KZrF;. This K salt was used because
a comparison of the relative reactivities of NaZrF;, KZrF;,
and a product corresponding to KF-2ZrF,, showed that
KZrFs reacted more rapidly and completely.

When KZrF;s was used in excess, the yield was much less
than expected. An examination of the products showed that
the reaction probably proceeded by a stepwise mechanism
involving the intermediate formation of a compound such
as Zr(BH,),F,, and for the reaction to go to completion, an
excess of A1{BH,); must be used. Since both reactions were
unsatisfactory for the preparation of an ethereal solution
of Zr(BH,)1, other methods of preparing this compound were
investigated.

It was found that Zr(BH,); could be prepared con-
veniently by passing diborane into an ether solution
of a Zr ester of the type Zr(OR)s. A product of this re-
action is probably the corresponding boron ester, B(OR);,
as in the similar preparation of Ti(BH,);. This method is
not satisfactory for the preparation of pure Zr(BH,)s since
the B ester and Zr(BH,)s are both present in the resulting
solution.

The preparation of pure Zr(BH;): was accomplished by
the dry reaction of LiBH, and ZrCl, at room temperature.

ZrCly + 4LiBH, = Zr(BH.), + 4LiCl (IIT)

This method is convenient and rapid, and the yield is about
75% with respect to both reactants.

Reaction of A1(BH,); with KZrF,

A mixture of 25.9 millimoles of KZrF; and 57.8 millimoles
of AI(BH,); (mole ratio 1:2) in 20 ml ether was shaken for
16 hr. The solution was filtered and the resulting clear solu-
tion showed no fluoride. By means of hydride and Zr analy-
ses, the yield of Zr(BH,)s was calculated to be 65%. When
this experiment was repeated using the Na salt, the mole
ratio of 3NaZrF;:4A1(BH,);, and 24 hr of shaking, the yield
of Zr(BH,)s was only 30%, indicating formation of inter-
mediate zirconium borohydrides such as Zr(BH,)-F» owing
to the use of insufficient Al(BH,);

Reaction of Zirconium Tetraisopropylate with Diborane

Diborane (0.14 mole) was passed into a tetrahydrofuran
solution containing 0.02 moles of tetraiospropyl zirconate
(36). The resulting clear solution (34 ml) was analyzed for
hydride and Zr content. It contained 0.6 millimoles of Zr
and 14.7 millimoles of hydride per milliliter (determined by
evolution of H). The theoretical hydride content for 0.6
millimoles of Zr(BH,)4 is about 10 millimoles. The analyti-
cal results indicate the solution contained Zr(BH,); and a
small amount of diborane.

Preparation of Zr{BH.), from LiBH, and ZrCl,

In an inert atmosphere chamber, 67.0 millimoles pow-
dered ZrCls, 272 millimoles powdered LiBH,, and some 0.5
em diameter dry Ni balls (to help mixing) were swirled by
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hand for about 15 min at room temperature. The material
in the flask became wet and heat was evolved. The flask
was shaken for about 5§ min more until its contents had be-
come paste-like and the Ni balls were no longer able to
produce mixing.

After cooling to room temperature the flask was placed
in a vacuum system and evacuated for about 30 min. The
Zr(BH,)s was collected in a liquid N trap. The yield was
77%.

When an excess of LiBH, was used, the induetion period
was lessened and the yields were increased. Yields as high
as 90% have been obtained by using an excess of LiBH;
and/or by breaking up the LiCl and evacuating again at
about 50°C. The latter procedure increased the yield by
6% in one run. Analysis of the product gave 55% Zr, 30% B,
and 10% H. The theoretical values for Zr(BH,), are 60.6%,
Zr, 28.7% B, and 10.7% H. The melting point of the product
was 28.7°C which is identical with the previously reported
melting point of Zr(BH,): (27).

For a metallic derivative, the compound showed a sur-
prising solubility in organic solvents, including ether, pe-
troleum ether, and benzene.

Attempts to prepare Zr(BH,), in this manner by use of
NaBH.: or KBH,; were unsuccessful.

PRrEPARATION OF Zr(AlH,),

To a dilute ether solution of Zr (BH,), in a sintered glass
filter funnel was added an ether solution of LiAlH,. The
reaction was carried out in an atmosphere of He, After a
sufficient amount of white solid was formed, the ether solu-
tion was removed rapidly and the solid was isolated. It was
unstable at room temperature, decomposing within several
hours into a pyrophoric black solid. Analysis of the white
solid indicated a formula corresponding to Zr(AlIH,)..

Results of analysis: wt. sample, 41.9 mg; 62 ml H, at
26°C = 2.52 millimoles hydride; 13.8 mg Zr = 0.15 milli-
moles Zr; 17.6 mg Al = 0.63 millimoles Al. This data would
indicate an empirical formula: ZrAl; sH e s.

PREPARATION OF PHENYLZIRCONTUM COMPOUND

Method A: On adding 3.7 millimoles Zr(BH4)4 to an ethyl
ether solution containing 13.5 millimoles phenyllithium,
a black colored solution formed with evolution of heat. The
solution was diluted with benzene and filtered. The filtrate
was then evaporated to dryness and pumped under vacuum
for 1 hr at 50°C. During the drying process a small amount of
biphenyl condensed on the upper wall of the container. The
resulting black solid gave a positive Michler’s ketone test
for a carbon to metal bond.

Method B: Phenyllithium was allowed to react with a
slurry of ZrCly in ethyl ether in a manner similar to Method
A above. The solution was evaporated to a low volume,
filtered, and the product (a tan powder) precipitated by
addition of petroleum ether. It contained 63% of the Zr
initially used, gave a positive Michler’s ketone test and the
melting point was 175°-185°C.

The analysis of the compound prepared by each method
gave the following results:

Method A Method B Theory for Zr (CsHs)s
Zy 27.5 29.6 28.3
C 49 42 67.0
H 5.3 4.7 4.7

The compound prepared by Method A contained about
8% Zr(BH,), as impurity, and the product from Method B
contained about 4% LiBr as impurity.
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TABLE V. Reduction of TiCl, in solution

Conc. of Ti in
reacted soin. in g/1

Reducing agent Solvent T
Reduced
Total | (as triva-
lent Ti)
1. Na dispersion Tetrahydrofuran l 14.3 } 9.6
2. Na dispersion | Ether 18l 2.2
3. Na dispersion | 50% tetrahydro- ! 5.0, 5.8
‘[ furan 50% ben- [ !
) ! zene f \
4. Na* ! Tetrahydrofuran 15.4 l 24.1
5. Na-Kt | Anisole 5.0 0.0
6. LiH [ Tetrahydrofuran 10.2; 8.3

* In experiment 4, metallic Na was added to a tetrahy-
drofuran solution of TiCly in a steel bomb and the resulting
solution was ball-milled at 100°C.

t Reduction occurred in experiment 5, but reduced Ti
was found only in a black solid formed as a product of the
reaction.

In two cases the reduced Ti content calculated as triva-
lent Ti ion was greater than the total Ti concentration.
From this it would appear that a mixture of di- and triva-
lent Ti is formed in these reduced solutions.

PrEPARATION OF LoweEr VaLENT Ti CoMPOUNDS

Use of Ti(BH,); in the Ti-Al alloy bath to give a deposit
containing Ti suggests the use of organic baths containing
di- or trivalent Ti compounds. However, the available
lower valent compounds, such as the halides, are not soluble
in ethers. They are soluble in more polar carbonyl and hy-
droxyl types of solvents which are too reactive for purposes
of deposition.

Lower valent Ti compounds in ethers were prepared by
reduction of TiCl; with the following reagents: sodium
naphthalene (37), diborane, LiH, NaH, Na, Na-K alloy,
and dispersions of Na and Li in hydrocarbons. Only LiH
and Na dispersion were used for a large number of experi-
ments.

Sodium naphthalene and TiCl, reacted in tetrahydro-
furan solution. A qualitative test indicated that trivalent
Ti was present. The resulting solution conducted well, but
gave only a Na deposit.

Diborane reacted with TiCl, in tetrahydrofuran to form
a green solution of TiCl; which did not conduct electricity.
After the solution had stood for several days, a blue solid
crystallized out [¢f. preparation of Ti(BH,),).

LiH and TiCl,; did not react in a hydrocarbon solvent
such as benzene, but addition of ethyl ether caused a re-
action to occur with evolution of hydrogen and formation
of a green color which changed to reddish-brown on further
reduction. The green compound could not be isolated. The
hydrogen initially present in the hydride evolved as gas,
and the resulting solution, when allowed to react with water,
gave no evidence of hydride. The reduced compound had
properties similar to a lower valent Ti halide and was in
no way like a hydride compound.

The reaction of NaH with TiCls was similar to the re-
action of LiH except that it was much slower. This was
probably due to the lower solubility of NaH in ethyl ether.
The reaction of Li, Na, or Na-K alloy with TiCl, in ether
solutions appeared to give products similar to those ob-
tained when LiH was used. Na and Li were used as disper-
sions to obtain a more rapid and complete reaction.

The reaction of TiCl: with LiH in ethyl ether resulted in
the formation of two liquid layers. The denser layer was
smaller in volume and richer in Ti; on electrolysis it con-
ducted well but gave no metallic deposit. The upper layer
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was low in Ti and conducted poorly. In the more strongly
complexing ethers, tetrahydrofuran and tetrahydropyran,
a separation of the solution into layers was not observed
when TiCl, reacted with lithium hydride, but an insoluble
solid usually formed. Although the composition of the solid
product formed in these reactions was not determined, re-
duced Ti was detected in it. The concentration of trivalent
Ti in the resulting solution was about 8-10 g/1 in both sol-
vents. This is close to the content of trivalent Ti (7.7 g/1)
in a saturated solution of TiCl; in tetrahydrofuran. These
solutions yielded no metallic deposit on electrolysis al-
though they did conduet well.

Na and Li in the form of dispersions reacted with TiCl,
in various ethers to yield solutions containing lower valent
Ti compounds. This is similar to the reactions of LiH as
described above. Some of the reactions of Na dispersion
with TiCl, in various ethers are listed in Table V. Similar
results were obtained with Li dispersion. Table V is a sum-
mary of results obtained using various reducing agents and
solvents. The mole ratio of TiCl, to reducing agent is unity
in all cases.

TiCly in tetrahydrofuran reacted with Na dispersion to
form a blue solid. Analysis of this solid gave 12.7% Ti and
30.5% chloride, which has approximately the composition
TiCl;- (C;Hs0);. A similar blue solid was formed when LiH
reacted with TiCl, in tetrahydrofuran, but the composition
of this blue solid was not determined. The reaction of di-
borane with TiCl; in tetrahydrofuran also formed a blue
crystalline solid having the approximate composition
TiCl, (CsHsO)z.7. It was probably the same compound as
above.

In addition to the more active reducing agents listed
above, metals such as Ni, Fe, Cu, Ag, or Mg were also ef-
fective for reduction of TiCly to trivalent Ti, but only in
solvents such as dimethylformamide, acetone, dimethoxy-
ethane, and tetrahydrofuran.

PreEraraTION oF TiCl,

In an inert atmosphere, 0.9 mole TiCly was placed in a
one liter bomb equipped with a glass liner. Four moles hy-
drogen were added, and the bomb was kept at 500°C for
29 hr. The pressure was maintained at about 2000 lb/in.2,
which required that some of the gas be vented occasionally.

At the end of the reaction the pressure was released and
the bomb taken into an inert atmosphere chamber. A yield
of 16.5 g TiCl; as flaky red crystals was obtained. The yield
was 129, based on the amount of TiCl, initially placed in the
bomb. Most. of the unreacted TiCl, could have been re-
covered.

In the above reaction, the bomb also contained small
amounts of Pd and Pt sponge in test tubes, but later ob-
servations indicated that neither of them aided the reaction.

A sample of the product was dissolved in water and found
to contain 1.5%, insoluble matter; the soluble portion was
TiCl;. The insoluble material was believed to be TiOCL
The latter had formed previously when the same reaction
had been allowed to continue for about an hour at 450°C
and 1650 1b/in.2 In this experiment a small amount of a gold
colored material was formed. It was insoluble in all the
usual acids and was not affected by the atmosphere. This
compounds has been previously described (17).

PREPARATION OF THE SALTS OF PERFLUOROACIDS
Ti anp Zr SaALTs

Ti and Zr salts were prepared by reaction of the metal
tetrachlorides with triftuoroacetic acid. The preparation
of the Ti salt illustrates the method used.

To 1.9 g TiCl; was added 4.6 g trifluoroacetic acid. The
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reaction mixture was heated at 65°C and evaporated to
dryness. A yield of 4.5 g (90%) of white solid was obtained.
The Zr salt was prepared in a similar manner, but in a
solution of ethyl ether. Both salts contained a small amount
of Cl. Analysis of the salts for metal content gave: Ti,
17.6%; Zr, 25.29%,.
Ni and Ag Salts: These were prepared by reaction of the
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metal oxides with acids in agueous solution and subsequent
evaporation of the resulting solution to dryness. The salts
were then dried at 150°C for several hours.

Nickel trifluoroacetate, silver trifluorcacetate, and silver
perfluorobutyrate were prepared in this manner.

The solubility of silver trifluoroacetate was found to be
17.8 /1006 ml in benzene and 47.1 g/100 ml in ethyl ether

Electrodeposition of Metals from Organic Solutions

IV. Electrodeposition of Beryllium and Beryllium Alloys

GWENDOLYN B. Woop AND ABNER BRENNER

National Bureau of Standards, Washingion, D. C.

ABSTRACT

The electrodeposition of Be from nonaqueous media was studied. Be compounds used
as solutes were the hydride, aluminohydride, borohydride, halides, alkyls, and aryls.
Their preparation, chemical properties, and electrochemical properties in nonaqueous
media were investigated. Electrodeposits of Be (95% pure) and Be alloys, such as Be-B
and Be-Al, were obtained from organic solutions. It is believed that these represent the
first metallic deposits consisting essentially of Be that have been obtained from organic

baths.

Be has a low density (sp. gr. 1.8%), fairly high melting
point (approx. 1280°C), good corrosion resistance, and
relatively high strength per weight ratio, which make it
potentially valuable in structural engineering. However,
because of its brittleness the pure metal has had little
industrial use. Be is of interest in the field of atomic
energy because of its property of slowing down neutrons
with little tendency for absorbing them.

The literature concerning Be and its compounds is
covered in several reviews (1-4). Be is produced com-
mercially in the form of powder, flake, compact rod, or
beads by the electrolysis of fused salt baths (5-10), many
of which are operated near the melting point of the metal.
The production of pure Be metal by thermal dissociation
of Bel; or BeBr; has been reported (11).

Electrolysis of Be salts in acetamide was reported to give
a black amorphous deposit which gave a qualitative test
for Be (12). Beryllium nitrate, sulfate, and halides were
dissolved in fused alkylpyridinium halides, but no Be
was deposited on electrolysis (13).

Booth and Torrey (14-16) made a comprehensive in-
vestigation of the electrodeposition of Be using anhydrous
Be halides, sulfate, nitrate, acetylacetonate, beryllium ba-
sic acetate, and sodium beryllium fluoride. They used a
number of nonaqueous organic and inorganic solvents
and reported that a majority of the solutions conducted
poorly. They reported electrodeposition of pure metallic
Be only from solutions of its compounds, particularly the
nitrate and chloride, in liquid NH; on the basis that the
deposit gave a qualitative test for Be. Their deposit did
not dissolve in HCl, and they ascribed its nonreactivity to
its purity. Without quantitative analytical determinations,
conclusions as to the purity of deposits are questionable.

Several unsuccessful attempts to duplicate their work
have been made in this laboratory. Thin deposits of black,
nonmetallic material soluble in dilute HCI were obtained.

The purpose of this investigation was to develop methods
of electrodepositing coherent coatings of pure Be or Be
alloys. This involved a study of the chemistry of known
Be compounds, the preparation of new Be compounds, and
the investigation of the electrochemical properties of these
compounds in nonaqueous solvents. A successful method
of electrodepositing metallic Be from nonaqueous media
other than from fused salts would have several useful
applications, such as: electrowinning, improvement of the
purity and mechanical properties of the metal, production
of electroplated coatings for protection of other metals
against corrosion, and electroforming of complicated
shapes.

Since hydrogen is so much more noble than Be, it is
preferentially discharged from aqueous solutions. Conse-
quently, this investigation was limited to organic solvents
and fused salt baths.

Electrolytic properties of the following types of Be
compounds were investigated: the hydride, alumino-
hydride, borohydride, halides, alkyls, and aryls. Beryllium
fluoride was not used because of its low solubility in or-
ganic solvents. The halides are covalent in nature and do
not carry an electric current when fused. Other types of
compounds do not lend themselves to fused salt electroly-
sis, since they cannot be fused without decomposition.

The apparatus used for electrolytic studies and the
purification of the solvents has been discussed (17, 18).
The electrolytic investigations and preparation of com-
pounds were performed under an atmosphere of dried A or
He. A compound is considered soluble if it dissolves to the
extent of 0.5 g/1.
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ELECTROLYTIC STUDIES
Be Compounds in Liquid NH,

Electrodeposition of Be from liquid NH; solutions was
reported by Booth and Torrey (18), and one of their
experiments was repeated several times. Liquid NH; was
condensed on anhydrous beryllium chloride (BeCly).
Ammoniates initially formed with the BeCl,, and this had
some solubility in exeess NH; At current densities of
1-8 amp/dm?, only a small quantity of a stressed black
deposit was obtained, and this was partially scluble in
dilute HCI. Coberent deposits could not be built up in this
bath.

Some modifications of this experiment were investi-
gated. (4) Fused ammonium nitrate (NH,NO;) and BeCl,
were dissolved in NH; to yield a fairly conductive solu-
tion, but no deposit was obtained on electrolysis. (B)
2BeBr;-Be(NH,),-8NH; was prepared by adding metallic
Be to ammonium bromide (NH,Br) dissolved in liquid
NH; (19). Electrolysis of the resulting solution decomposed
the bath giving a black residue. (C) A mixture of lithium
amide, BeBr,, and NH,Br in liquid NH; on electrolysis
gave only a black mossy scum on the cathode. No coherent
Be deposits of high purity were obtained from liquid
NH,.

Beryllium Halides

BeCl,—Anhydrous BeCl, is one of the few Be com-
pounds available commercially. Extensive qualitative
observations of its solubility and conductivity in non-
aqueous media were made. Electrolytic studies were limited
to a great extent by its insolubility in most nonaqueous
solvents. In some solutions the conductivity was low at
room temperature but increased greatly at the boiling
point of the solvent. Listed in Table I are the solvents
investigated (except ethers). In no case was a metallic
deposit obtained on electrolysis. The material on the
electrode usually reacted with either the moisture or the
oxygen of the atmosphere.

TABLE 1. Solubility studies involving anhydrous BeCl,

Sabvent Slil- | Depost abtained
Acetal....... ... ... ... ..., R None, tarry residue
Acetone...................... S None
Acetonitrile. ................. SS None, viscous bath
Acrylonitrile.................. SS None
Ammonia (-50°C)............ S Black, treed
Benzene...................... i None
n,n-Dimethyl aniline......... S None
Dimethyl cyanamide.......... Rr None
Dimethylformamide. ......... S None
Ethyl aleohol.......... ...... S None
Ethyl bromide................ SSr | None
Pyridine...................... S None
Pyrrolodine................... S Thin black film
Toluene...................... i None
Triethylamine . ............... SSr | None
Tri-n-propylamine............ Sr None

NOTE: R = Reaction at room temperature; Rr = reac-
tion at reflux temperature; S = soluble at room tempera-
ture; SS = slightly soluble at room temperature; SSr =
slightly soluble at reflux temperature; i = insoluble.
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TABLE II. Ethereal baths containing anhydrous BeCl:

Solvent Deposit obtained on electrolysis

Black, reactive with H,0
Thin black film

Anisole

Bis (2-chloroethyl) ether
Bis (2-ethoxyethyl) ether Black film

n-Buty!l ether Black, H,0O soluble
1,4-Dioxane None

Ethyl ether Black powder
Ethylbutyl ether Black, reacts with H,0O
Ethylene oxide None

Isopropyl ether None
1,2-Dimethoxyethane Black stain

Methyl ether Gray, oxidizes in air

Phenetole None
Phenyl ether None
Propyl ether Black powder

Tetrahydrofuran Black, brittle

Electrolysis carried out at temperatures sufficient to
give homogeneous solutions and at reflux temperatures
of the solutions.

Many ethers (Table IT) were studied as solvents for
anhydrous BeCly, with which probably all formed ether-
ates. Deposits from the various ethereal solutions both at
room temperature and at their boiling points were inferior
in appearance and coherency to those obtained from ethyl
ether. Consequently, only the latter bath is discussed in
detail.

Anhydrous BeCl, forms two immiscible liquid layers
with ethyl ether (20). Qualitative tests show the upper
layer to be a weak solution of BeCl, in ether and the
lower layer a solution of ethyl ether in beryllium chloride
etherate, which solidifies to a crystalline mass of BeCl,-
2Et,0, mp 330°C (21). This compound apparently dis-
solves enough ethyl ether to liquefy, forming approxi-
mately a 2.8M solution in the etherate. Electrolysis at
1 amp/dm? required 25 v across a small cell. The deposit
was a fine black powder which was 92 %, Be. The impurities
probably arose from adsorbed constituents of the solution.
The powders were difficult to wash free of beryllium
chloride etherate since this has limited solubility in ethyl
ether.

A beryllium chloride etherate bath operated at elevated
temperatures gave improved deposits which were harder
and somewhat more coherent than those obtained at room
temperature, A bath operated at 200°C and at a current
density of 2 amp/dm? required only 6 v. A similar bath
operated at 150°C and at 1 amp/dm? required 10 v. A
black powdery deposit was obtained which was found to
be 90% Be.

Since in electrodeposition from aqueous solutions the
coherence of deposits is improved by having the metal in
solution as a complex ion and by the use of addition agents,
a similar approach was tried with the BeCl; solutions. For
example, BeCl, and lithium chloride (LiCl) might form a
complex such as Li,BeCly, as aluminum chloride (AlCLs)
and other metallic halides are known to do with alkali
halides. The addition agents listed in Table III were
investigated, but none led to improved deposits.

Although neither BeCl, nor its reaction product with
various ethers is soluble in many organic liquids, BeCl,-
2Ft,0 is fairly soluble. The 2.8M ethereal solution of the
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TABLE III. Effect of addition agents on deposit obtained
from BeCl,-2Et,0 in Et0

Compound added Deposit obtained on electrolysis

Aluminum chloride etherate | Flaky

Ammonia (gas) Smoother deposit but thin
Beryllium hydride etherate | Not improved

Cesium bromide Not improved

Cesium iodide Gray deposit

Lithium amide Not improved

Lithium borohydridet Smoother but brittle
Lithium bromidet Not improved

Lithium chloride Not improved

Lithium hydride* Not improved

Lithium iodidet Not improved

Sodiumt* Not improved

Sodium borohydride More reactive with H,O
Sodium hydride Not improved
Potassium cyanate Not improved
Potassium iodide Not improved
Potassium thiocyanate Not improved

* Showed no solubility.
t Electrolysis run at both room temperature and 150°C.

etherate was diluted with the following solvents so that
the latter formed from 1 to 33% by volume of the mixture:
xylene, acetal, pyridine, anisole, phenyl ether, butyl ether,
bis(2-chloroethyl) ether, 1,2-dimethoxyethane, ethyl
aleohol, ethyl bromide, ethyl iodide, and toluene. Some
representative experiments are listed in Table IV, Some of
the deposits obtained from these baths at room tempera-
ture and at the baths’ boiling points were slightly better
than the deposits obtained from a solution of ethyl ether
and BeCl; alone. No deposit was obtained in the prese: ce
of acetal, pyridine, butyl ether, or 1,2-dimethoxyethane.

The most promising results were obtained with the
baths containing anisole or phenyl ether. The resistance of
each bath at room temperature was lower than that of an
unmodified ethyl ether bath, but the deposits were no
better. The resistance was still lower at the boiling point
of the solutions, and the electrodeposits were improved.
From both baths, gray, brittle deposits were obtained
which were fairly smooth, nonreflective, and stressed, but
more coherent than the black powders obtained from the
ethyl ether solution alone.

Lithium aluminum hydride (LiAlH,) was added in
increasing amounts to a xylene-ethyl ether-BeCl, solution.
The deposit gradually improved, appearing more like the
Al deposits obtained from the hydride-aluminum bath
(22) as the concentration of hydride was increased to 0.3M.
A brittle deposit from this bath was identified spectro-
chemically as a Be-Al alloy.

BeBr,—Beryllium bromide (BeBr;) forms an etherate
with ethyl ether. Ethyl ether is only slightly soluble at
room temperature in BeBr,-2Et,0. A 3.0M solution was
prepared and electrolyzed between 35° and 40°C and
proved to be a poorer electrolyte than the corresponding
chloride etherate solution. Electrolysis at 77 v and 0.34
amp/dm? gave a granular black deposit. Because of occlu-
sion of nonmetallic constituents from the bath, the deposits
reacted with the moisture of the atmosphere. The deposits
were not improved by operating the baths at 55° and 120°C.
Chemical analyses of these powders indicated that the
deposits were less pure than those obtained from beryl-
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TABLE 1V. Electrolytic studies of 2.8M BeCly-2Et,0 mized

with other solvents
Current density 0.5 amp/dm?

Initial | Solvent Remarks and comparison

Sovent | Voltzse| percent | Bath | of deposts it thge
bath volume BeClz-2Et20 in Et20
7 % v
1. No solvent.| — — 34-28 | Black, powdery
2, Xylene....| 34 1-33 | 32-11¢ | Similar
3. Acetal . .... 28 1-20 | 39-16° | No deposits
4. Pyridine...| 34 1-5 30-23+ | No deposits
5. Anisole....[ 32 9-15 | 16-33+ | Better?

13-3* Black to gray,
smooth,
stressed

6. Phenyl
ether....| 27 20-31 13 Better?

20-2* | Black to gray,
smooth,
stressed®

2 Studies made at room temperature.
b Studies made at boiling point.

lium chloride etherate. The addition of lithium iodide
(1i), lithium chloride (LiCl), sodium hydride (NaH), or
potassium borohydride (KBH,) to the bath did not im-
prove the coherency of the deposits.

Bel,,—Beryllium iodide! was only slightly soluble
(0.05M) in ethyl ether at both room temperature and at
the boiling point. The solution was a nonconductor. LiH
reacted with the residue from the above ethereal solution,
but no deposit was obtained from the resulting solution.

Dialkylberyllium Compounds

In order to carry out a systematic study of the elec-
trolysis of solutions of dialkylberyllium compounds, it
would be necessary to prepare several hundred grams of
each of these compounds. Dimethylberyllium is more
easily isolated from the solvent, ethyl ether, in which it
was prepared than its homologs, diethyl- and di-n-butyl-
beryllium. It could be studied as a pure compound rather
than as a mixture with ether. Electrolysis of ethereal
solutions of dimethyl-, diethyl-, and di-n-butylberyllium
indicated that these solutions were only slightly different
in character. As a consequence, dimethylberyllium was
chosen as a representative dialkylberyllium compound
for investigation. Details of the ‘“ether-vapor method”
which were developed for preparing dimethylberyllium
are given in the Appendix.

Dimethylberyllium is a white, polymeric solid. Both
the pure dialkyl as well as its concentrated ethereal solu-
tions are spontaneously flammable in the air and must be
handled in a dry atmosphere of A or He., Dimethylberyl-
lium was insoluble in many common solvents. High poly-
merization in the solid state may greatly affect its solu-
bility. It reacted with some solvents to form insoluble
products and dissolved to a clear solution in others; ethyl
ether and tetrahydrofuran solutions showed conductivity.
The solvents investigated are listed in Table V.

Increasing the concentration of the ethyl ether bath

1 Compound was contaminated with a few per cent of
silicon tetraiodide.
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TABLLE V. Solubility of dimethylberyllium 1in various
solvents at room temperature

Solvent Solubility or reactivity

Acetone Reacts
Anisole Insoluble
Benzene Insoluble
Boron trichloride etherate Reacts
n-Butylamine Yellow ppt.
Diethylamine Reacts
Ethyl ether* Soluble
Nitrobenzene Reacts
Phenetole Insoluble
Phenyl ether White ppt.
n-Propyl ether White ppt.
Pyridine Reacts
Tetrahydrofuran* Soluble
Tetrahydropyran White ppt.
Triethylamine White ppt.
Toluene Insoluble

* Solution shows conduectivity.
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as methyl borate, methyllithium, cesium bromide, lithium
hydride, lithium chloride, etc., did not improve the
electrodeposits and in most cases reacted with the bath to
form precipitates.

Maized Halide-Alkyl Baths

Electrolytic studies were made on mixed alkyl and
halide type baths. Several baths were investigated which
contained 3M dimethylberyllium and varying quantities
of beryllium chloride etherate as follows: 0.3M, 0.6M,
0.9M, and 2.3M (see Table VI). Electroformed tubes of
Be which were coherent but stressed were obtained from
the mixed baths. These deposits were far more coherent
and metallic in appearance than those obtained separately
from the alkyl or halide type of bath, and the resistance of
the baths was lower. The most reflective and metallic-
appearing deposits were obtained from baths containing
3M dimethylberyllium and 0.9M to 2.3M BeCl,. These
coherent deposits were 93-95% Be, while the powders

TABLE VI. Electrolysis of ethyl ether solutions of Be(Me), and Be(Me); with BeCl;

Berylli
Bath constitution Bath “rloltage au?})d.mz Deposit ggx{telﬂn
p %
3M Be(Me)g. ... 9 0.09 Brittle, black, treed 63
12M Be(Me)s. . ..o 49 0.05 Brittle, black, treed 77
3M Be(Me); + 0.3M BeCl,.......... 10 to 15 0.1-0.3 | Dark gray, metallic, brittle 80
3MBe(Me): + 0.6M BeCly. ......... 18 0.15 Black, brittle —
3M Be(Me). + 0.9M BeCly...... ... 18 0.15 Black, brittle, thin 93
3M Be(Me): + 2.3M BeCl;......... 18 to 25 0.1 Gray, metallic, brittle, thin 95
(BeCly-2Et,0 erystallized out of solu-
i tion, to leave about 1M BeCl; in
solution)
28M BeCla. .. ... 7 0.1 Black powder 92
)
from 1.2M to 3M lowered the resistance of the bath but TABLE VIL. Electrolytic studies of BeMe;-etherate in
did not improve the deposits. They were nonreflective, different solvents
dark, smooth, and brittle. The Be content of the deposits Deposits* compared
from the 1.2M and 3M solutions was 77 and 63 %, respec- Solvents Solvent dilution | With those from 2.4
tively (see Table VI). A 2M solution of dimethylberyllium 7 (f:eh&gﬁ’e\ﬁl)
in tetrahydrofuran yielded deposits which were black and
coherent and which appeared less brittle than those from Tetrahydrofuran 66 Similar
the ethyl ether solution. 1,2-Dimethoxyethane 3-50 Similar
A 24M solution of dimethylberyllium in ethyl ether ~ Tyrrolidine o 231 501 lsggnggl‘osit
was found t(? be miscib}e \Vit‘h a majority of the organic Pyrrole " T3l03 Similag
solvents which were investigated. Electrolytic studies 50 No deposit
were carried out on solutions containing 3-66% by Xylene 3 Similar
volume of the added solvent. Cathode current densities Acetal 3’66 g o deposit
up to 0.5 amp/dm? were obtained at applied voltages of eeta 9 N%o(rizrpo sit
60-120 v, but no deposits were obtained in the presence Ethyl bromide 3 Similar
of the following solvents: dimethylformamide, pyridine, 9-23 Poorer
anisole, phenetole, phenyl ether, isopropyl ether, bis- ) ) 50 No deposit
(2-chloroethyl) ether, butyl ether,? piperidine,? n-methyl- Triethylamine 53-23 ls\;;“ggfosi .
morpholine,> benzothiazole, thiophene, acetonitrile, and P

1,2-dimethoxyethane.? These experiments illustrate the
highly specific nature of the solvent-solute combinations
which are amenable to electrodeposition. Data for the
solutions from which deposits were obtained are given in
Table VII. None of the deposits was improved over those
obtained from the ethyl ether bath. Addition agents such

2 These solvents were not miscible with dimethylberyl-
lium etherate.

* Cathode current densities from 0.03 to 0.5 amp/dm? at
applied voltages from 60 to 120 v.
1 Not miseible.

from the 2.8 BeCl; bath were 929, and the less stable
deposits from the 3M dimethylberyllium were 63 %.
Polarization studies were run in the bath containing
3M dimethylberyllium and 2.3M BeCl,. A Cu cathode,
Be anode, and a reference electrode of Al wire were em-
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ployed. The reference electrode included a “Luggin-Haber
capillary” in order to climinate the IR drop between the
reference electrode and the other electrode. The solution
made contact with the Al wire through this capillary.
High anode polarization was indicated.

Diphenylberyllium

Phenyl derivatives of Be were prepared by reported
methods (23, 24) and also by the reaction between BeCl,
and phenyllithium in ethereal solution (see Appendix).
The phenyl derivative was reported in the literature to be
diphenylberyllium, but analyses were not reported, and
the compound was not clearly characterized. Some doubt
exists whether the products of these various reactions are
the same compound or in the same state of polymeriza-
tion. The product of the reaction between Be metal and
diphenylmercury dissolved in ethyl ether, benzene, toluene,
and tetrahydrofuran but did not give conducting solutions.
The product isolated at 100°C from the reaction between
phenyllithium and BeCl. was slightly soluble in 1,2-
dimethoxyethane, tetrahydrofuran, phenyllithium ether-
ate, and benzene but was insoluble in several other
solvents as shown in Table VIII. The resulting solutions,
with the exception of those containing benzene, conducted
the current but gave no electrodeposit.

Beryllium Borohydride

Beryllium borohydride [Be(BH,):] a volatile, white
solid, has been systematically studied as a means of de-
positing Be metal by electrolysis from organic solutions. It
is spontaneously flammable in air and reacts very vigor-
ously with water and oxidizing agents. It is a monomer
which appears to be more covalent than ionic (25). Data

on the solubility and conductivity in various solvents are

given in Table IX. Like dimethylberyllium it is not soluble
in many organic solvents. This contrasts with Zr(BH,),
and Al(BH,)s, which are soluble in a variety of solvents,
meluding paraffin hydrocarbons. Beryllium borohydride
was soluble in anisole, phenyl ether, and ethyl ether; the
latter solution was the best conductor. It was insoluble in
the other solvents tested.

The resistance of an ethyl ether solution of beryllium
borohydride was considerably reduced by increasing the

"TABLE VIII. Solubility and conductivity tests on a phenyl
dertvative of Be in various solvents

Solvent Solu(l;isligog.(tg(.T. Conductivity
Benzene..................... SS None
n-Butyl ether.............. .. i None
1,2-Dimethoxyethane........ SS Yes
Isopropyl ether.............. i None
Phenyl ether. ............... i None
Phenyllithium etherate...... SS Yes
Pyridine................. ... . i Yes
Tetrahydrofuran............" SS Yes
Tetrahydropyran........ ... . i None

NOTE: i = insoluble; 88 = slightly soluble.

No promising deposits obtained in the above experi-
ments.

Phenyl lithium etherate appeared to be insoluble in
most of the solvents listed above.
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solute concentration. Brittle, coherent gray deposits were
obtained from 6 M baths at room temperature. At a cathode
current density of 0.62 amp/dm? the potential drop across
the cell was only 2 v, a striking contrast to the higher
voltages found for the dimethylberyllium solution. Several
deposits 0.01 in. thick were obtained; they had an average
composition of 709 Be and 30% B. These are probably
the first B alloys electrodeposited at room temperature.

The voltage drop across the bath decreased with an in-
crease in the operating temperature. At 80°C a more
lustrous, smooth Be alloy deposit, which was 0.002 in.
thick, was obtained. After the bath was operated for 30 hr
between 85° and 90°C, the solution gradually decomposed,
and the deposits became black and powdery.

Beryllium Hydride Etherate

Relatively little is known about beryllium hydride,
BeH,. Whether or not it exists in the free state is still
controversial. Kassner and Stempel (26) claimed no
satisfactory evidence existed for the isolation of solid
BeH,. Various methods (27-29) have been reported for

TABLE IX. Solubility and conductivity tests for beryllium
borohydride in various solvents

Solubility
Solvent at R.T. Conductivity
(25°-30°C)
Ethyl ether S Good*
Anisole S Poor
Phenyl ether S Poor
Benzene i None
Butyl ether i None
Tetrahydrofuran i None
Diethylene glycol dimethyl ether i None
Triethylene glycol dimethyl ether i None
Tetraethylene glycol dimethyl
ether i None
Pyridine S None
Dimethylamine i No deposit

= soluble; i = insoluble.
* 6 M solution with cell voltage of 2 amp/dm? gave a lus-
trous, coherent alloy containing 30% B and 70% Be.

TABLE X. Beryllium hydride etherate in the presence of
nonaqueous solvents

Conductivity of beryl-
lium hydride etherate
and beryllium chloride
Solvent Solubility in various solvents
Molegecl,
MolegeH, =1
Acetone S Yes
Anisole i None
Benzene 1 None
Ethyl ether 1 Yes
1,2-Dimethoxyethane i Low
Dimethylformamide S Yes
Dioxane S None
Phenetole Se None
Pyridine i Yes
Tetrahydrofuran i Low
Triethylamine i None

NOTE: 8 = soluble; i = insoluble; 8; = dissolves on
standing at room temperature.
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TABLE XI. Deposition of Be-Al alloys from ethyl ether solutions

Bath type Bett/AlH~ Bett Con-(nipetl))s;g?n of Appearance of deposit
ratio g at./1
Be(AlH,),* 0.5 0.5 149 Be Powder
Be(AlH,), plus BeCl,* 1-27 1.0-2.5 | 0-57% Be In order of increasing BeCl; content of bath:
white — gray — black; smooth — rough —
stressed
H-Al Bath{ plus BeCl, 1.3-40 0.7-2.5 | % Be small | In order of increasing BeCl; content of bath:
but increas- white — gray — black; smooth — rough —
ing stressed

* Al anode;f Be anode; Cu cathode; electrolysis at room temperature; cathode C.D. varied from 0.05 to 0.5 amp/dm?;
voltage range from 0.6 to 4 volts; all deposits metallic and coherent.

the preparation of its etherate. This compound is more
covalent than BeCl,, and the corresponding alkali metal
hydrides but more ionic than aluminum hydride.

BeH, was prepared by reaction of LiAlH, with dimethyl-
beryllium (28). The compound was insoluble in ethyl
ether, anisole, 1,2-dimethoxyethane, tetrahydrofuran,
triethylamine, pyridine, or benzene. It appeared to dissolve
on standing several days in dioxane or dimethylforma-
mide (Table X), but the resulting solutions were not
conductors.

The possibility of producing a BeH, or beryllium chloro-
hydride type of bath analogous to the hydride-aluminum
bath (22) was investigated. BeH,, as produced above, was
added to samples of BeCl, solvated with different liquids.
No increase in solubility of the hydride in the solvents
listed in Table X was effected by the presence of BeCl,.
On electrolysis no deposit was obtained except from the
ethyl ether solution, and this one was no better than that
obtained from the BeCl,-2E4,0 alone.

Be-Al Alloys

Systematic studies of hydride baths containing both
Be and Al have been completed and are summarized in
Table XI. The hydride baths were made by mixing
ethereal hydride solutions and BeCl, in different propor-
tions. The hydride content of the baths came either from
an ethereal solution of Be(AlH,), (from LiAlH; and
BeCly), or from the hydride-aluminum plating bath (22).
Deposits obtained from the two types of solutions for a
given ratio of Bett to AIH{~ were similar. The Be concen-
tration of the baths was changed so that the Be™ to AIH,~
ratio varied from 0.5 to 40. The deposits obtained when this
ratio was unity contained only traces of Be. They were
white-gray, crystalline, reflective, ductile, and similar
to deposits from the pure hydride-aluminum bath. The
deposits obtained when this ratio was 11 contained 469%
by weight Be. They were gray to black in color, reflective,
and stressed. As the ratio increased, the percentage of Be
in the deposit increased. The deposits were not wholly
metallic but were more coherent than those obtained from
the beryllium chloride etherate solution alone. It is sig-
nificant that they were deposited at a much lower voltage
for a given current density.

In the analyses of the alloys, Al was determined as the
aluminum quinolate by weighing or by bromate-bromide
titration. Be was precipitated from solution as the hy-
droxide and ignited to the oxide.

Although BeH, is insoluble in ether, there is evidence
that a soluble complex containing Be, Al, and hydride-
hydrogen exists in the solution obtained by mixing ethereal
solutions of BeCl, and LiAlH,. A precipitate was formed,
but the solution remaining was approximately 1M in
Be and contained Be, Al, and H in a stoichiometric ratio
of 1/1.8/9.2. This reaction was reported by Wiberg and
Bauer (27), who implied that Be(AlH,), existed in the
solution in a stoichiometric ratio of 1/2/8, but they gave
no evidence to support this view. This solution did not
yield a precipitate with a solution of BeCl, in ethyl ether,
which indicated that the hydride ion must be tightly
complexed. Ethereal solutions of BeCl, and aluminum
hydride, AlH;, were completely miscible. This indicates
either that the same soluble Be(AlH,), complex as that
obtained with LiAlH, is formed, or that the hydride ion
in aluminum hydride is too tightly complexed to form the
insoluble BeH.,.

SUMMARY

Powdery deposits were obtained from halide-ethereal
solutions of Be, Mg, and Al. Consequently, it seems that
to obtain coherent deposits of these metals a different
ionic or molecular species must be found. The alkyl baths
gave very brittle coherent deposits of Be containing oc-
cluded constituents from the bath as impurities. Electroly-
sis of a mixed halide-alkyl bath gave gray, lustrous,
coherent flakes which were much improved over the de-
posits obtained separately from each solution. Deposits
of purity as high as 95% were obtained from this type of
organic bath. A brittle, coherent alloy containing 70% Be
and 30% B was obtained from the ethereal beryllium
borohydride bath. Stressed coherent alloys of Be and Al
were obtained from the mixed baths containing Be(Al-
H.,); and BeCl,. These deposits did not show much promise.
This study has resulted in the first reported thick, co-
herent deposits consisting essentially of Be from organic
baths.
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APPENDIX
PrEPARATION OF Be COMPOUNDS

BeCl,.—Anhydrous BeCl, was obtained commercially.
Spectroscopic analysis showed Ni was the largest metallic
impurity present. Gravimetric analysis showed 0.06%, Ni.
This commercial BeCl; was purified by sublimation in vacuo
at 400°C.

BeBr:.—BeBr; was not obtainable commercially, It was
made readily by direct union of the elements in the ap-
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Frg. 1. Apparatus for preparing beryllium bromide:
A-—flask containing bromine; B—furnace; C—collection
chamber; D—absorption bubblers used as measure of gas
flow; E—helical heating coil.

paratus shown in Fig. 1. Br, was vaporized in flask A by
means of an infrared lamp and passed with a stream of argon
over Be powder contained in a Vycor tube furnace, B,
operating at 550°C. Rahlfs and Fischer reported that the
compound sublimes at 473°C (30). The vapors were carried
out of the heated area of the furnace by the stream of A.
The cold delivery end of the Vycor tube was heated in-
ternally to 450°-500°C by a helical heating element, E, to
prevent clogging. This heating element was in a Vycor tube
of small diameter closed at one end. In this way the BeBr:
was kept above its melting point until it emerged from the
reaction tube, which projected into the cold collection
chamber, C, consisting of a large glass cylinder. The ap-
paratus was sealed from the atmosphere by means of a
series of liquid bubblers, D. In a 6-hr period 0.6-0.7 1b of
the bromide was produced. The anhydrous BeBr; was trans-
ferred under dry He to storage bottles.

An attempt was made to prepare BeBr; from Be metal
and Br; in boiling CS;, but no reaction took place.

Bel,—Bel, was prepared in a manner similar to that
used for the bromide. The rate of reaction between I va-
por and Be metal at temperatures below 800°C was very
slow, and the small amount of iodide obtained was badly
contaminated with I, proving the method unsatisfactory.

Sealed tubes containing Be metal mixed with I shattered
when heated to 500°C, but when the metal was placed in
a separate glass container inside the sealed tube, in such a
manner that only I, vapor came in contact with the metal,
the tubes remained intact. After 65 hr at 480°C very little
I, remained unreacted. Four grams of Be (1.8 g excess) was
allowed to react with 63 g of Iz/tube.

The resulting Bel, was purified by distillation at 500°C.
The tubes were broken in an atmosphere of dry A and placed
in a C crucible surrounded by a ceramic cylinder. The entire
assembly was placed in a resin reaction kettle. Induction
heating was employed. An atmosphere of dry A was main-
tained throughout the purification. An air condenser was
suspended from the top of the resin reaction kettle into the
reflux area. Since Bel: melts rather than sublimes, an inlet
stream of A was flushed through the refluxing Bel, in order
to carry the vapor up into the cooled area where it con-
densed. A yield of approximately 509, (130 g) was obtained.
The resulting product contained about 5% SiL. The light
salmon color was probably caused by the impurities present.
The product was stored in a dry atmosphere of A in sealed
ampoules, wrapped in Al foil as a precautionary measure.

Dialkylberyllium compounds.—Dimethylberyllium was
prepared in quantities up to 0.3 g-mole by Gilman and
Schultz (23) by an “‘ether cycling method”” which gave yields
of 85-909%. This method consisted of reacting beryllium
chloride etherate with an excess of the appropriate Grignard
reagent in dry A and distilling the etherate of the dialkyl-
beryllium compound with an excess of ether. The ether in
the receiver was continuously evaporated, condensed, and
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F16. 2. Apparatus for ‘“‘ether-vapor method” for pre-
paring beryllium dialkyls: A—inert gas source; B—ether
boiler; C—resin reaction kettle; D—collection flask; E
and F—oil baths; G—butyl cellosolve-dry ice cooling
bath.

returned to the reaction vessel. The reason for this pro-
cedure is that the etherate is more volatile than the pure
alkyl and hence more readily isolated.

1. “Ether Cycling Method.””—Initially this method was
used with 0.5 g-mole of anhydrous BeCl, as starting ma-
terial, but only a 409 yield was obtained. The efficiency of
this method for preparing dimethyl- or diethylberyllium
decreased as the quantity of starting material was increased.
The main objection to this method was the low yield.

A study of the “ether cycling method’’ was made in order
to improve the yield. To eliminate any variations in the
reactants, stock solutions of ethylmagnesium bromide and
beryllium chloride etherate, adequate for a set of experi-
ments, were prepared. The effect of each of the following
variables were studied, but no significant effect on the yield
was noticed: (¢) quantity of initial reactants, (b) molar
ratio of initial reactants, (¢c) type of halide in Grignard re-
agent, (d) pressure of distillation, (¢) method of heating
reaction mixture, (f) concentration of ethyl ether in system,
(g9) elements of design of equipment, (k) distillation temper-
ature, and (z) distillation time. Since it was not possible
to produce good yields of beryllium dialkyls in quantities
greater than 0.3 g-mole by the ‘‘ether cycling method”,
a different procedure was sought.

2. “Extraction Method.”’—Grignard reagents are re-
ported to be mixtures of compounds according to the fol-
lowing equilibrium (31, 32):

BeCl;-2Et;0 reacts with this solution to produce BeR: and
MgCl,. The halide-containing compounds in the resulting
mixture are insoluble in 1,4-dioxane whereas both dialkyl-
magnesium and dialkylberyllium compounds remain solu-
ble, This difference was the basis of an attempt to separate
dimethylberyllium but it was unsuceessful.

3. “Ether-Vapor Method.””——The factors which were
found to influence the yield most in Method 1 were (a) the
intimate contact of the reaction mixture with ether vapor,
(b) the speed with which the distillation of the alkyl from
the reaction mixture took place while the temperature was
raised to 240°C, near the decomposition temperature of the
alkyl, and (¢) the length of the distilling head between the
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reaction vessel and the collecting vessel. Making use of
factors (a) and (b) the “‘ether-vapor method’’ was developed
for the preparation of several moles of dimethylberyllium.
The apparatus used is shown in Fig. 2. He from tank A
was used to keep an inert atmosphere in the entire ap-
paratus. Tank B was filled with Na-dried ethyl ether and
was used as the ether boiler. The pressure in tank B was
controlled by the temperature of 0il bath E. The ether boiler
was connected to a resin reaction kettle, C, by means of
Cu tubing which extended to within a few inches of the
bottom of the kettle. The temperature of the reaction kettle
was controlled by an oil bath, F. A condenser with circulat-
ing ice water connected the reaction kettle and a 2-1 flask,
D. The flask was sealed from the atmosphere by a mercury
trap and cooled by a butyl cellosolve-dry ice mixture, G.
The required quantity of Grignard reagent was placed in
the reaction kettle which had been flushed with He. The
beryllium chloride etherate was added from a dropping
funnel, which was replaced by a rubber stopper. The kettle
was flushed by a rapid flow of He while the mixture was
heated to 80-100°C by means of an oil bath, F. After most
of the ether had been removed and collected, and the residue
had become nearly dry, the temperature was further raised
to 187°-220°C. Ether vapor from B was passed through the
powdered residue under a pressure of 10-20 1b/in.2 at the
rate of -1 1/hr. This pressure was necessary to force the
vapor through the dry mass. Each 2-1 lot of distillate was
tested to determine the rate at which the organometallic
compound was being distilled. The experiment was stopped
when the amount of alkyl distilled became less than 2 g/l.
During the preparation the condensates were transferred
to a 3-1 resin reaction kettle from which ether was distilled
at 50°-100°C, leaving solid dimethylberyllium. A stock
quantity of 300 g dimethylberyllium was prepared by this
method. The capacity of the equipment was enlarged for

TABLE XII. Preparation of dimethylberyllium by ‘‘ether-
vapor method”’

Total volume
Theo- Percent-
: Actual | Temperature of ether
R tical + i el
o) SR e | deti
mole mole °C % liters
I 1.4 1.1 150-220 79 8.5
II 4.1 2.6 170-200 63 8.5
11T 6.8 4.4* 185-210 64* 15

Resin Reaction Kettle Capacity—I: 4-liter (6 in. diam-
eter) IT and ITI: 6-liter (6 in. diameter).
* Estimated.

F1G. 3. Beryllium dimethyl crystals. X 0.25
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each successive run, and in the last run about 4.4 moles of
dimethylberyllium were prepared. Table XII summarizes
the results of these experiments. The dried crystals obtained
are shown in Fig. 3.

Arylberyllium compounds.—Several methods of prepar-
ing phenyl derivatives of Be were studied.

Method 1(a)—A black solid product was obtained by
Gilman and Schulze (23) when Be metal, diphenylmercury,
and HgCl; catalyst were heated in sealed tubes at 225°C
for 6 hr. It was reported to be insoluble in benzene, toluene,
and ethyl ether at their boiling temperatures, but it gave a
strong positive Michler’s ketone test.

A brick red crystalline solid was obtained here with this
method. It also was not readily soluble in xylene or warm
ether, but it dissolved in ethyl ether during several hours
of refluxing. Both the resulting ethereal solution and solid
remaining undissolved gave a positive Michler’s ketone test.

Method 1(b)—Wittig, Meyer, and Lange (24) reported the
preparation of diphenylberyllium by a similar reaction but
in the presence of xylene as a solvent at 150°C and in the
absence of a catalyst. These authors did not describe a
method of isolation of their diphenylberyllium, but reported
it to be soluble in benzene and xylene and soluble on warm-
ing in ethyl ether and tetrahydrofuran.

A similar reaction was obtained here only after the ad-
dition of HgCls as catalyst at a temperature of 175°C while
using powdered Be metal. (Flaked metal did not give a re-
action under these same conditions.) Beads of mercury and
a yellow-to-red solution indicated that reaction had taken
place. After the xylene solution was filtered and concen-
trated, a straw-colored compound settled out. The sample
was dried under vacuum. A temperature of 210°C produced
some decomposition. The very dark residue dissolved slowly
in ethyl ether during several days of refluxing to give a red-
orange solution.

Method 2.—Phenyl derivatives of Be were prepared by
a new method, which involved the reaction of BeCl; and
phenyllithium in ethyl ether. The conversion of phenyl-
lithium to diphenylberyllium in solution was indicated by
the Michler’s ketone test. Two general methods of isolating
diarylberyllium compounds from the ethereal solution were
investigated. The first involved precipitating LiCl with
xylene followed by concentrating the solution at temper-
atures up to 100°C. The second method involved evaporat-
ing the ethyl ether in a vacuum at —15°C. Straw-colored
crystals were isolated in both cases. The product of the
first method was insoluble in ethyl ether, which was sur-
prising since it was crystallized from this solvent. The prob-
able reason for this insolubility may be decomposition or
polymerization at the elevated temperatures of the isola-
tion. The product of the second method was found to be still
soluble in ethyl ether. Preliminary analyses indicate that the
products from methods one and two contained a beryllium
to phenyl ratio of 1/1 and 1/2, respectively.

Beryllium borohydride.—Beryllium borohydride was pre-
pared from an equimolar mixture of dry LiBH, and an-
hydrous BeCl,. The reaction took place slowly at room
temperature but was rapid-at elevated temperatures. The
procedure used was similar to that of Schlesinger and co-
workers (33), who reported an 80% yield. They heated the
mixture quickly to 90°C and then to 140°C over a period of
8 hr during continuous evacuation. The authors found that
when LiBH; and BeCl; were mixed in a molar ratio of 2/1
and were heated immediately to 180°C and heated con-
tinuously under a pressure of approximately 2 X 10~ mm
Hg for 5 br, a 749, yield resulted. Other runs indicated that
at pressures approaching 0.2 mm the initial mole ratio must
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be decreased to 1 in order to keep the yields high. Beryllium
borohydride begins to decompose at temperatures as low as
123°C. The percentage yield is consequently influenced by
the temperature at which the reaction is run as well as by
the pressure and the speed with which the compound is
sublimed. Because of the danger involved in preparing
under reduced pressure and in glass equipment a spon-
taneously inflammable material like beryllium borohydride,
larger preparations were not attempted. All-metal equip-
ment should be considered for large-scale runs.

In an effort to prepare beryllium borohydride more
cheaply and safely as well as in larger quantity, various
other procedures were tried. These methods will be men-
tioned only briefly since none proved as successful as the
method already described. (4) A dry mixture of NaBH,
and BeCl; was heated under essentially the same condi-
tions as above but failed to yield any beryllium boro-
hydride. (B) Beryllium borohydride etherate was shown to
distill under reduced pressure. An attempt to distill beryl-
lium borohydride etherate from a mixture of LiBH, and
BeCl, was unsuccessful. (C) The slow addition of LiBH, to
a molten eutectic mixture of BeCl; and NaCl at about 250°C
gave low yields. Higher yields might have been obtained
if a suitable material could have been found, which, when
mixed with BeCl:;, would have melted below 180°C. (D)
KBH, and BeCl; react in n-butylamine, but the isolation
of solvent-free products is difficult. (¥) A dry mixture of
KBH,, LiCl, and BeCl, was heated under reduced pressure
to 200°C without reaction. Reaction and decomposition oc-
curred when the temperature was raised up to 400°C. Both
beryllium borohydride and diborane were trapped at
—196°C. The yield was low due to decomposition at the
elevated temperature.

Beryllium hydride etherate.—The etherated beryllium
hydride used in these studies was prepared by the method
of Schlesinger and co-workers (28).

The reaction between LiH and BeCl: in ethereal solution
was studied. Mixtures in various proportions were either
ball milled or heated in a bomb at 125°C for 24 hr. Isolation
of beryllium hydride was difficult since LiH, LiCl, and BeCl;
are all only slightly soluble in ether. In all reactions, the
concentration of Be remaining in solution was low. Evidence
for the presence of beryllium hydride in the solid reaction
product was obtained by thermal decomposition. The solid,
when heated from 125° to 150°C, turned gray, owing to the
decomposition of beryllium hydride to beryllium metal.

Beryllium aluminum hydride.—Beryllium aluminum hy-
dride was prepared by the method of Wiberg and Bauer
(27). Ethereal solutions of BeCl; and LiAlH, were mixed in
a molar ratio of 1:2 in an inert atmosphere. A white pre-
cipitate formed and was filtered from the solution. Analysis
of the filtrate confirmed the presence of Be, Al, and H in
a ratio of 1/1.82/9.2, indicating Be(AlH,), in solution.

The stability of Be (AlH4), in ethereal solution was found
to be a function of temperature. It decomposed within a
few hours at the boiling point of ether but was stable for
several days at temperatures between —10° and 10°C.
Consequently, reactions were run and solutionsstored within
this temperature range. The solution was stabilized at room
temperature for a period of several days by the addition of
the chloride of Be or Al.

The precipitate from the above reaction contained both
LiCl and beryllium aluminum hydride, since the solubility
of both compounds was exceeded in the ethereal solution.
Both the precipitate and solution underwent reaction with
alcohol to give Al metal and Be oxide and with water to
give the oxides of Al and Be.
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V. Electrodeposition of Magnesium and Magnesium Alloys
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ABSTRACT

The electrodeposition of Mg from ether solutions of such Mg compounds as (a) hal-
ides, (b) aluminohydrides, (¢) borohydrides, and (d) Grignard reagents was investigated.
White, metallic deposits containing 90% Mg and 10% B were obtained from an ether
solution of MgBr, and LiBH,. However, thick deposits could not be built up. An
alloy (7% Mg, 93% Al) was obtained from a bath containing MgBr;, AlBr;, and LiAlH,.
Electrodeposited alloys of Zr, Ti, or Be with Mg, obtained from hydride or borohydride
baths, were stressed, treed, or powdery. The preparation and solubilities of some of

the solutes are given.

The electrodeposition of Mg and Mg alloys would be
useful in electroforming objects of small mass. Since Mg
1s so much less noble than H, it cannot be deposited from
aqueous solutions, and no satisfactory organic plating
baths have been reported up to the present time. Overcash
and Mathers (1) were unable to electrodeposit Mg from
such Mg salts as the bromide, thiocyanate, perchlorate,
ethylate, or methylate dissolved in pyridine, formamide,
benzonitrile, acetonitrile, o-toluidine, aniline, ethyl bro-
mide, dimethylaniline, or ether. Dirkse and Briscoe (2)
reported no deposit of Mg was obtained from solutions of
its salts in acetamide, nitrobenzene, aniline, acetone, ben-
zoyl chloride, or glacial acetic acid. They did report a
deposit of Mg from an ethanolamine solution of Mg(NO5).,,
but no analysis of the deposit was given.

Deposition of Mg from Grignard reagents has been
known for some time (3, 4). French and Drane (5), using
various anodes in isoamylmagnesium chloride, found that
Zn and Cd dissolved anodically to a slight extent, Al dis-
solved appreciably, and Mg did not dissolve at all. Over-
cash and Mathers (1) attempted to increase the stability
of the Grignard baths and to improve the character of the
deposits by the use of addition agents. They reported that
the addition of dimethylaniline to an ether solution of
ethylmagnesium bromide yielded brighter, more adherent
deposits and increased the bath life. An ethylmagnesium
iodide bath had a somewhat longer life than the ethyl-
magnesium bromide bath. The short life of the Grignard
baths was due in part to the failure of the Mg anodes to
dissolve.

Most of the electrolytic studies on Grignard reagents
(1, 6-8) have been concerned with identifying by-products
and with studying the mechanism of the reactions. Mg
deposits were described as spongy and brittle. The re-
sistance of the solutions was very high; for example, 110
v were required to pass 0.02 amp (current density, 0.23
amp/dm?) through an ether solution of ethylmagnesium
bromide containing an addition agent (1).

EXPERIMENTAL

This investigation sought to obtain deposits of both
Mg and Mg alloys from organic solutions operated at room
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temperature. Since Al had been electrodeposited success-
fully in this laboratory from an ethereal hydride-type
bath (9), the possibility of a hydride bath for Mg was
indicated. Also, since deposits of Be, Zr, and Ti were ob-
tained from baths containing borohydrides, alumino-
hydrides, and alkyls, similar Mg compounds were pre-
pared.

The fact that most Mg salts are not readily soluble in
organic liquids limits the number of compounds that may
be used as solutes. MgCl, is practically insoluble in ethyl
ether, but MgBr, dissolves slowly at room temperature
to form magnestum bromide dietherate, MgBr;-2Et.O.
If the concentration of MgBr, in ether exceeds 3% by
weight, two liquid layers are formed. The lower layer con-
tains about 39 % by weight of MgBr, (approximately 2.5M).
Magnesium bromide dietherate ecrystallized from the
lower layer at about 21°C. The low solubility of MgBr.
in most common organic solvents limited the electrolytic
studies to solutions of ethyl ether and tetrahydrofuran.
The following solvents did not dissolve sufficient amounts
of MgBr;, even at the boiling point of the solutions, to
be considered for plating solutions: benzene, phenyl ether,
dioxane, phenetole, anisole, triethylamine, xylene, and
cyclohexylamine. MgBr; reacted to form precipitates with
tetrahydrofuran, pyridine, and N,N-dicthylacetamide at
room temperature.

The preparation and electrolysis of the plating solutions
to be described were performed in an inert atmosphere.
Techniques and apparatus used are described in the first
paper of this series (10). The volumes of the baths studied
were about 50 ml. Deposits were obtained on Cu cathodes.
Anodes of Al were used instead of Mg because they dis-
solved more readily, and because Mg anodes decomposed
the baths more rapidly than those of Al. There was no
evidence to show that Al from the anode was codepositing
with the Mg.

Magnesium Plating Baths
Magnesium halides.—The electrolysis of a 2.5M MgBr,
golution in ether yielded dark, brittle deposits which con-
tained 60-70% Mg (No. 1, Table I). The remainder of
the deposit was probably oxide and organic matter oc-
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cluded from the bath. The conductivity of the solution
was low, and thick deposits were difficult to build up be-
cause of excessive treeing. The throwing power was also
low. The electrolysis of MgBr; in tetrahydrofuran at the
boiling point of the solution and at a current density of
1.2 amp/dm? yielded black, powdery deposits. No deposits
were obtained at lower current densities.

Magnesium  Borohydride—The addition of a small
amount of LiBH, to magnesium bromide dietherate con-
siderably improved the conductivity of the solution. A
smooth, dense deposit containing 90% Mg was obtained
from this bath (No. 3, Table I) at 1 amp/dm?. A bath con-
taining equimolar quantities of the reactants conducted
current well and yiclded a sound metallic deposit (No. 4,
Table I). However, treeing occurred and a thick deposit
was difficult to obtain. When viewed under a microscope
the deposit appeared pitted.

A similar bath containing LiBH, and MgBr; in the mole
ratio of two was prepared. These compounds react to give
Mg(BH,); (11). Electrolysis of this bath at a current density
of 1 amp/dm? gave a deposit containing 90% Mg and
109 B (No. 5, Table I). The measured cathode efficiency
was 91%, but because of the treeing that occurred the
true efficiency was probably higher than this. The Mg
content of the deposits from baths No. 3, 4, and 5 was
close to 909 and appeared to be independent of the mag-
nesium to borohydride ratio.

Ether solutions of Mg(BH,); were also obtained from the
reaction of anhydrous MgCl, and LiBH, in ether. One
such bath gave a treed deposit containing 79% Mg (No. 6,
Table I). The addition of thiophene reduced somewhat
the treeing of the deposit. This addition agent was ob-
jectionable in that the conductivity of the bath was lowered
and the resulting solution was less stable.

In general, these baths yielded brittle, rough, metallic
deposits which rapidly became coated with oxide when
exposed to the atmosphere. Since these coatings contained
occlusions from the baths, precise analysis of a deposit
was difficult.

Attempts to prepare Mg(BH,), from NaBH, and MgBr,
or MgCl, in ether were not successful.

Magnestum Grignard—A few Mg deposits were ob-
tained from Grignard reagents for the purpose of com-
paring them with those obtained from the hydride and
borohydride baths. Although these deposits were white
and metallic in appearance, they were not pure Mg and
were very brittle. The treeing which occurred during
electrolysis was not alleviated by rotating the cathode.

A deposit obtained from a bath having a concentration
of 2.5M ethylmagnesium bromide contained 719, Mg
(No. 7, Table I); the remainder of the deposit was prob-
ably organic matter. The conductivity of this solution
was low; a current density of 0.3 amp/dm? required 50 v.
The addition of small amounts of LiBH, to the bath im-
proved the conductivity, but no change in the quality of
the deposits was noted.

Magnesium Alloy Plating Baths

A study was made of the codeposition of Mg with Al,
Be, Ti, and Zr. The electrodeposition of these metals or
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TABLE 1. Electrolysis of ethereal solutions of Mg compounds

Mole | Composition
ratio of deposit
Composition of bath B‘}éﬁ% ({r % by wt. Remarks
BH
Mg"*/ % Mg | % Al
1. MgBr. — 160-700 — | Low conduectivity
2. MgBr; in tet- | — | — — | Black, powdery de-
rahydrofu- posits
ran
3. MgBr. + 0.25 | 90 — | Good, metallic de-
LiBH, posit
4. MgBr: + 1.0 87 -— | Smooth, bright de-
LiBH, posit. Much tree-
ing
5. MgBr; + 2.0 90 — | Smooth, bright de-
LiBH, posit. 10% B
6. Mg(BH.,)» — 79 — | Addition of thio-
phene  reduced
treeing
7. C.H:MgBr — | 71 — | Very low conduc-
(2.5M) tivity
8. MgBr, + 0.08 | X* | 1 to | Brittle, white de-
LiAlH, 10* posit
9. MgBr. + 0.2 | X* | 1 to | Fair, white deposit
LiAlH, 10*

10. Mg(AlH,), 2.0 — — | White, coherent de-
posit, solution
unstable, finally
yielding a gray
powdery deposit

11, MgBr; + 0.7 Brittle, metallic de-

LiAlH, (in posit; eathode ef-
tetrahydro- ficiency poor
furan)

* Spectrochemical analysis.
X Major constituent.

their Al alloys from organic solvents is described in one of
the preceding papers (10).

Mg-Al Alloys.—The simplest alloy bath studied was
that formed by reacting MgBr; or MgCl, with LiAlH,
in ether to form Mg(AIH,).. The addition of small amounts
of LiAlH, to ether solutions of MgBr; improved the elec-
trodeposits (Nos. 8, 9, Table I) which by spectrochemical
analysis were identified as alloys containing Mg as the
main constituent and 1-109, Al.

A solution of Mg(AlH,); was prepared by using LiAIH,
and MgCl; in the mole ratio of 2:1. Most of the LiCl pre-
cipitated. Electrolysis of a freshly prepared 1.7M ether
solution of Mg(AlH,), yielded a white, coherent deposit.
However, the solution was unstable and after being elec-
trolyzed for a short period, yielded a dark gray powdery
deposit which rapidly oxidized on exposure to the at-
mosphere (No. 10, Table I). In this respect these deposits
were similar to those obtained from the Mg(BH,), baths.

The conductivity of the Grignard bath was increased
by the addition of magnesium aluminum hydride etherate,
and the deposits obtained were more coherent and more
ductile than from the plain bath. However, these deposits
were not so reflective, coherent, or metallic as those ob-
tained from the MgBr,-LiBH; bath (No. 5, Table I).

Tetrahydrofuran was investigated as a possible solvent
for use in Mg alloy plating baths. The coordination com-
pound between MgBr, and tetrahydrofuran is a solid.
At room temperature it had a low solubility in a solution
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TABLE II. Elecirolytic studies for the elecirodeposition of My alloys
Eszp. Composition of ethereal baths Mole ratio of constituents Remarks

1 (a) AlCl; + LiAlH, + MgBr, Mg/AICL; = 1.5 to 2.5 Very good deposit; 969 Al, Mg

absent.

®) Similar Mg/Al = 2.7 Fair, brittle deposit; 97% Al,
Mg absent.

(¢) Similar Mg/Al = 5.1 Very poor deposit.

2 (a) AlBr; + LiAlH, + MgBr. Mg/Al = 1.5 No deposit.

b) Similar Mg/Al = 1.05 Fair deposit, gray-white.

(¢) Similar Mg/Al = 0.8 Very good, ductile deposit; 93%
Al, 79, Mg.

3 AlCl; + Mg(AlH,). + MgBr, — Fair deposit.*

4 Mg(AlH,), + MgBr. Mg/AlH, = 3 to 1.5 Fair, white deposit, Mg and Al
present.

5 Zr(BH), + Mg(AlH,). + AlCI; — Stressed deposit, 109, Zr, re-
mainder Al.*

6 Ti(BH,);-CHs0, + Mg(AlH,), + MgBr. — Poor deposit; low conductivity
of solution.*

7 Ti(BH,);-C.HiO: + Mg(AIH,), + AlCl, — Fair Al deposit with trace of Ti.

8 TiBr, + Mg(BH,); in tetrahydrofuran — Fair deposit, Ti absent.

9 BeCl, + MgBr, Mg/Be = 1.0 Precipitate of MgCl,, poor Be
deposit.

10 BeBr; + MgBr. Mg/Be = 1.0 Poor, dark powdery deposit.

11 BeBr, + MgBr. + LiAlH, Mg/Be/AlH,~ = 3/3/1 Poor, brittle deposit.

12 Be(BH,): + MgBr, Mg/Be = 1.2 Treed, gray deposit; 809 Mg,
3.5% Be at 1 amp/dm?; no de-
posit at 0.13 or 5§ amp/dm?.

13 Be(BH,). + Mg(AlH,). Mg/Be = 1.0 Treed, crystalline magnesium
deposit.

* Mg anode used.

of LiAlH, in tetrahydrofuran, but dissolved completely
at about 45°C. On electrolysis a smooth, reflective, metal-
lic deposit was obtained (No. 11, Table I), but the cathode
current efficiency was low. On the basis of these data and
previous observations not reported herein, ethyl ether has
proved to be superior to tetrahydrofuran as a solvent for
plating baths.

A modified Al plating bath (9) containing AICl; or
AlBrs, LiAlHy, and MgBr, was investigated. The stability
of the bath and the composition of the electrodeposits
were dependent on the Al halide chosen and the order in
which the compounds were mixed. For example, if AlCl,
in ether was added to an ethereal mixture of MgBr; and
LiAlH,, a precipitate formed and the bath yielded poor
clectrodeposits. However, if MgBr, in ether was added to
the hydride-aluminum plating bath, no precipitate formed
and an aluminum deposit was obtained which, however,
contained no Mg (No. 1, Table II). A modification of the
Al bath (No. 2, Table II) containing AlBr;, MgBr,, and
LiAlH, so as to give a Mg/Al ratio of approximately 0.8,
yielded good alloy deposits on electrolysis. This bath re-
quired a short period of electrolysis before use. The hard-
ness of this Mg-Al alloy containing 7% Mg and 93% Al was
appreciably lower than that of typical electrodeposited Al.
The hardness of one sample of the alloy was 21 Vickers
compared with a hardness of 37-97 Vickers for 1009, Al.

Alloys of Mg with Be, Ti, or Zr.—Those baths, from
which the codeposition of Mg with Be, Ti, or Zr was at-
tempted, arc listed in Table II. The ethereal bath con-
taining Zr(BH,); (No. 5) yielded Al alloys containing
109% Zr. The deposits were exfoliated and the bath un-
stable. A bath consisting of titanium (IIT)-borohydride
tetrahydrofuranate, Mg(AlH,),, and MgBr. had low con-
ductivity and gave very poor deposits (No. 6). A fair

deposit was obtained from a similar bath in which AlCls
was substituted for MgBr,. The major constituent of the
deposit was Al with traces of Ti (No. 7).

Tetrahydrofuran was used to prepare a bath containing
Mg(BHy); and TiBr, (No. 8). The deposit obtained was
comparable in appearance to that obtained from Mg(BH,):
m ethyl ether. The deposit contained no Ti.

To prepare a plating bath for depositing Be-Mg alloys,
ether solutions of beryllium chloride and magnesium bro-
mide were mixed. A precipitate formed which was probably
magnesium chloride (No. 9). However, ether solutions of
beryllium bromide and magnesium bromide were miscible
(No. 10). Electrolysis of the solution yielded inferior
powdery deposits. The addition of LiAlH, slightly im-
proved the deposit from this bath (No. 11).

An ethereal solution containing magnesium bromide
and beryllium borohydride was a good conductor. The
deposits (No. 12) obtained were treed and dull-gray. They
contained 80% Mg and 3.5% Be. The remainder prob-
ably was nonmetallic matter occluded from the bath.
Deposits oxidized readily in the air.

A precipitate formed when ethereal solutions of
Mg(AlH,); and Be(BH,): were mixed. At a current den-
sity of 2.5 amp/dm? the filtered solution yielded a shiny,
crystalline, treed deposit; at a current density of 1
amp/dm? no deposit was obtained.

None of the baths showed any promise for commercial
plating of Mg alloys.

‘PREPARATION OoF MaGgNEsTuM COMPOUNDS

Anhydrous magnesium bromide was prepared by re-
acting bromine vapor with molten magnesium metal at
800°C in the absence of air. The product was almost
white in color and an 869%, vield was obtained.
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Anhydrous magnesium bromide was also prepared from
magnesium metal and bromine in cooled ether according
to the method of Rowley (12). The resulting magnesium
bromide etherate was extracted with benzene and then
the ether was removed under reduced pressure. This
method was satisfactory only on a small scale (40-80 g)
because of the volume of liquids involved. Yields of only
60-709, were obtained.

Wiberg and Bauer (11) reported the preparation of
magnesium aluminum hydride in ether solution by the
reaction of (a) magnesium bromide with lithium aluminum
hydride or (b) magnesium hydride with aluminum chlo-
ride. No analysis of the product was given. The resulting
solutions had a reducing power similar to lithium alumi-
num hydride.

Magnesium aluminum hydride was prepared according
to the reaction:
M . Et,.0 .

gClyy + 2LIAIH, —— Mg(AlHy)s + 2LiCl
Solid magnesium chloride, which was prepared by passing
hydrogen chloride through a Grignard reagent, was added
to LiAlH, in ether. Lithium chloride precipitated im-
mediately and was removed by filtering. The concentra-
tion of magnesium aluminum hydride in ether was 1.7M,
as determined from hydrogen evolution upon hydrolysis.
The product was left in an ether solution for convenience
of use in plating baths.

SUMMARY

1. The best magnesium deposit (approximately 909%
Mg, 10% B) was obtained from a magnesium bromide-
lithium borohydride ether bath. Thick deposits could not
be built up.

2. Difficulties in operating a Grignard bath render it
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an impractical source of Mg. The addition of magnesium
aluminum hydride or lithium borohydride improved the
conductivity of the Grignard bath and the ductility of
the Mg electrodeposits.

3. Electrodeposited alloys of Zr, Ti, or Be with Mg
obtained from hydride or borohydride baths were generally
stressed, treed, or powdery.

4. An alloy (7% Mg, 93% Al) was obtained from a
solution containing magnesium bromide, aluminum bro-
mide, and lithium aluminum hydride. The hardness of the
deposit was appreciably lower than that of electrode-
posited Al

Manuscript received October 12, 1955. The work was
sponsored by the Department of the Army, Office of the
Chief of Ordnance, ORDTA.

Any discussion of this paper will appear in a Discussion
Section to be published in the December 1957 JoURNAL.
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Effect of Crystal Disorder on the Electroluminescence

of Zinc Sulfide Phosphors

A. H. McKgac aNp E. G. STEWARD

Research Laboratories, The General Eleciric Company Lid., Wembley, England

ABSTRACT

A blue electroluminescent ZnS phosphor was prepared by prefiring precipitated ZnS
at a high temperature, activating with Cu, and refiring at about 700°C. The material
was characterized by strong pale blue electroluminescence throughout the body of
the crystal. The Cu entered most effectively at that temperature of refiring where
the transformation from hexagonal to cubic structure occurred most readily. This
transformation was associated with a process of one-dimensional disorder in the ecrys-
tals, and it is suggested that for maximum electroluminescence brightness, fullest
use must be made of the disorder process simultaneously with the entry of the acti-

vator.

The phosphors used by Destriau, in his work on elec-
troluminescence (1), were distinguished from conventional
ZnS phosphors by much higher Cu concentrations and by
addition of ZnO to Zn§ before firing. The effect of higher

Cu concentrations in promoting electroluminescence has
since been confirmed (2, 3), while the formation of “blue”
or “green” emitting Cu centers has been shown to depend
on the concentrations of Cu and Cl used in the prepara-
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F1a. 1. Spectral energy curves of blue electroluminescent
ZnS phosphor. (a) Elfctroluminescence (400 v 50 cycles);
(b) u.v. excited (3650A).

tion. Thus, high Cu and Cl contents favor formation of
“green” rather than “blue” centers. Al may be used as a
coactivator in place of Cl (3, 4) with similar effect. With
still higher Cu contents, and in the absence of chloride,
Froelich (5) showed that phosphors with vellow and red
emission bands are obtained. While the crystal structure
of the sulfides described by Homer and co-workers (2) was
predominantly “cubic”, those prepared by Zalm and co-
workers (3) were described as “hexagonal” plates or
needles.

Phosphors described in the present paper are charac-
terized by a process which introduces, during preparation,
an irregular stacking sequence of the (0001) layers of Zn-S
tetrahedra in the wurtzite structure.

Both the wurtzite (hexagonal) and blende (cubic)
forms of ZnS consist essentially of layers of Zn-S tetra-
hedra, and the two ways in which these layers can pack on
top of one another lead to the two different structures.
In the hexagonal structure the tetrahedral groups in each
layer are rotated through 180° with respect to those in
the preceding layer; this gives a 2-layer repeat unit. In
the cubic structure, successive layers are simply “dis-
placed” sideways, and the structure has a 3-layer repeat
unit. Disordered stacking sequences (one-dimensional
disorder) based on the above two stacking possibilities can
oceur, however, Where there is a specific periodicity in
the disorder one has “polytypism” (6), but alternatively
there can be a completely random stacking sequence (7).

The hexagonal ZnS structure is stable at high tempera-
tures and the cubic structure is stable at low temperatures.
It is known that firing temperature and cooling rate deter-
mine whether the structure of ZnS is hexagonal, cubic,
or disordered (8). One-dimensional disorder is believed to
be the mechanism of transformation from one structure
to the other (9).

It is this disorder process which played an important
role in the formation and constitution of the phosphors
described in this paper.

PREPARATION

Precipitated ZnS of high purity was first prefired at
1100°-1300°C in a Si0O; tube, closed at one end, with the
open end projecting from the furnace and partially sealed
with a tight glass wool plug. The plug allowed escape of
volatile components present in the precipitate. NH,CI
in the starting material acted as a flux and promoted
marked crystal growth. The phosphor, which contained no
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Cu at this stage, and only a trace of chloride (ca. 0.019,
by weight), showed a weak blue fluorescence under
3650A radiation, and no electroluminescence. X-ray
examination showed that this material had true hexagonal
crystal structure.

CuS0, solution was added to give 0.1% (by we'ght)
of Cu to the prefired ZnS. About 259, (by weight) of ZnO
was also added, and this tended to improve the macro-
scopic uniformity of the product. After drying, the mix-
ture was fired at 700°C for 15 hr in a SiO, tube, the open
end of the tube being closed on this occasion with a Bunsen
valve attachment to prevent ingress of air. The Bunsen
valve maintained a static atmosphere during the long
heating period and prevented air from diffusing back and
causing excessive oxidation of the ZnS. In both the pre-
firing and refiring stages some SO, was probably present
in the atmosphere. Such conditions, as shown by Froelich
(4), would favor blue rather than red emission in the sul-
fides produced. The fired powder, which had a dark gray
body color, was washed in dilute acetic acid followed by
KCN to remove free ZnO and superficial Cu compounds,
respectively. The powder then had a pale buff-gray body
color, with a bluish white fluorescence under 36504
radiation. It had a strong pale blue electroluminescence
comparable in brightness to standard green electrolumines-
cent samples prepared by conventional methods (10).

Fig. 1(a) shows the spectral energy distribution of the
electroluminescence. There is a peak in the blue at about
4600A. Tt is interesting to note that Bube (11) gave a
figure of 45004 for the peak in self-activated phosphors
having hexagonal structure and 47004 for the cubic form.
The corresponding curve (b) for the same phosphor ex-
cited by long u.v. radiation gives evidence of a similar
blue band, although the predominant emission band is
now in the green region at about 52004.

Examination under the polarizing microscope showed
that a high proportion of the material consisted of rela-
tively weakly birefringent crystals together with a small
proportion showing strong birefringence. There was no
possibility of confusion arising from the presence of free
Zn0, since x-ray examination confirmed that the acid
treatment to remove free oxide had been effective. How-
ever, since the material appeared to consist of a mixture of
two phases, attempts were made to separate these in order
to study separately the properties of each. Even if one
phase consisted of cubic and the other of hexagonal ZnS,
densities would only differ by 1%, but it was found that
by using a “panning” technique commonly employed in
mineral dressing laboratories, a partial separation could
be made. Strong electroluminescence was found to be
associated with the relatively nonbirefringent material
and weak electroluminescence with the markedly bire-
fringent material.

The following is a simplified description of the “panning”’
operation used. The powder sample was placed on an
inclined trough which, at short intervals, was bumped in
such a way as to move the powder particles up the incline.
A small flow of water in the opposite direction tended to
wash down the incline the lighter particles which worked
their way to the surface.In this manner, particles of only
slightly differing densities could be separated.
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Fie. 2. X-ray powder diffraction patterns of ZnS. (a)
Blue electroluminescent ZnS (refired at 700°C); (b) hex-
agonal ZnS; (¢) cubic ZnS.

X-ray examination showed that the crystal structure
of the more birefringent constituent was hexagonal but
with considerable stacking disorder. In the relatively non-
birefringent material, which was the most strongly elec-
troluminescent, transformation to cubic structure through
the mechanism of disorder was found to be more advanced.

Part of the x-ray powder diffraction pattern given by
this material is shown in Fig. 2 together, for comparison
purposes, with the patterns for normal hexagonal and
cubic ZnS. The diffuseness and lowered -intensity of, for
example, the 1011 reflection compared with the 1010 re-
flection indicates the disordered condition of the hexagonal
structure while the enhanced 0002 reflection and the
presence of the cubic 200 reflection indicate the conver-
sion of a large part of the material to cubic stacking (12).

ErrEcT OF VARIABLES IN PREPARATION

Firing treatments—The phosphors described in this
paper are distinguished from more conventional electro-
luminescent powder phosphors by the pronounced volume
as opposed to surface electroluminescence, which they
exhibit (13).

The effect of different firing schedules on the electro-
luminescent properties was studied, and it was found that
the temperature of prefiring, although not critical, should
be above 1100°C. Best results were obtained at a pre-
firing temperature of about 1250°C and the product at this
stage was essentially of true hexagonal crystal structure.
The effect of different refiring temperatures (for a constant
firing time of 15 hr) on the electroluminescent brightness
is shown in Fig. 3(a). An optimum effect at about 700°C
is indicated with a rapid decline in brightness at high
teraperatures. All samples after refiring were allowed to
conl to room temperature in approximately % hr.

Optical and x-ray examination of the samples refired at
the higher and the lower temperatures showed, as would
be expected, that the crystal structure was little changed.
Refiring at the intermediate temperatures (600°-900°C),
however, introduced considerable one-dimensional stack-
ing disorder into the hexagonal crystal structure with
partial transformation toward cubic stacking. The con-

PEFIRING TEMPERATURE
(15 HOURS AT TEMPERATURE)

Fra. 3(a). Effect of refiring temperature on brightness
of electroluminescence.

F1e. 3(b). X-ray diffraction patterns corresponding to
points A, B, and C of Fig. 3(a).

stitution of a preparation refired at 700°C for 15 hr and
cooled to room temperature in 4 hr has already been de-
scribed. X-ray and optical examination show that this
member of the scries, which gives maximum brightness,
showed the most advanced transformation by this dis-
ordering process toward cubic structure [cf. Hedvall
effect (14)]. There are indications that disorder intro-
duced by grinding (15) may act in a similar manner.

In Fig. 3(b) parts of the x-ray diffraction patterns are
shown for three members of the series corresponding to
points A, B, and C on the brightness curve.

Short, Steward, and Tomlinson (16) reported that ac-
tivated single crystals of ZnS showed strong clectrolumines-
cenee occurring as parallel streaks in a manner similar to
that reported by Diemer (17). These streaks were parallel
to, and associated with, stacking disorder of the hexagonal
(0001) planes (16). However, luminescence under 36504
radiation in these crystals was uniform and diffuse, in-
dicating as one would expect that Cu had diffused uni-
formly throughout the crystal during the activation heat
treatment. The restriction of the electroluminescence to
disorder boundaries suggested, therefore, that where ac-
tivator centers are associated with disorder boundaries,
conditions are most favorable for electroluminescence.

The present observations showed that actual maximum
brightness of electroluminescence in the powders described,
was associated with the most advanced transformation to
cubic through a process of disorder.

If the preliminary high temperature prefiring treatment
was omitted and phosphors were prepared in the lower
temperature range (700°-900°C), the product remained in
essentially a cubic form without any intermediate disor-
dered states; predominantly surface green or blue elec-
troluminescence was produced, depending on the relative
proportions of Cu and chloride present (2, 3). With low
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chloride contents, phosphors were obtained with a more
saturated blue electroluminescence color than those which
were prefired. The electroluminescent brightness of these
phosphors, even in the blue, was appreciably lower than
that produced by the “disorder” treatment, and though
exhibiting bright uniform u.v. luminescence throughout
the crystal, unlike the latter, they showed no appreciable
volume electroluminescence.

For volume electroluminescence, therefore, it would ap-
pear that Cu necessary for electroluminescence should
enter the lattice while the structure is expericncing dis-
order; however, u.v. fluorescence following entry of Cu
throughout the body of the crystal was not dependent on
this process. These results support the view (4, 18, 19)
that, in addition to the electroluminescent phosphor par-
ticles containing Cu in solid solution (and this produces
the normal u.v. fluorescence), Cu in some other association
was also present. The function of the disorder treatment
therefore may be to introduce this other special environ-
ment into the body of the crystal.

Cooling range.—To investigate the effect of temperature
and cooling rate on incorporation of the activator, the
following experiments were carried out:

(4) With a refiring temperature of 1250°C (after ad-
dition of Cu) only very weak electroluminescence resulted
[see Fig. 3(a)].

(B) Cu was added to prefired ZnS (0.1% by weight),
and five separate boats containing this material were
heated to 1250°C. The furnace was then allowed to cool
at approximately 120°C /hr to 500°C. Boats were removed
successively at 1140°, 1000°, 700°, and 500°C, and were
then cooled quickly; the fifth boat remained in the furnace
until it reached 50°C; the total time taken for the fifth
sample was 22 hr. All samples showed enhanced body
color and only a very weak blue electroluminescence.

(C) Experiment (B) was repeated, but with refiring
commencing at 950°C. With the same slow cooling, boats
were withdrawn at 750°, 500°, and 30°C. These showed
a strong pale blue electroluminescence with a slight in-
crease in brightness with the longer cooling times.

These experiments again suggest that introduction of
the activator into the lattice to provide electroluminescence
centers needs the simultaneous formation of disorder in
the structure.

Effect of Cu concentration.—Phosphors prepared by
the method described, showed an optimum brightness
with about 0.1% by weight of Cu added to the fired ZnS.
With larger amounts, the color of electroluminescence
tended to become slightly grecner. As the amount was
reduced the brightness fell off slowly, and with 0.01% Cu
(equivalent to 1.6 X 107* g atoms Cu added to 1 g-mole
ZnS), a moderately bright electroluminescent phosphor
of a somewhat more saturated blue color was obtained.
If a further reduction in Cu content to about half this
quantity was made, a remarkable change in luminescent
properties occurred. The color under long u.v. excitation
changed from pale blue to bright green, while the after-
glow changed to that of a normal Cu-activated green ZnS
phosphor. However, the electroluminescence was negli-
gible. Results of varying Cu concentration agree closely
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with those of Riehl and Ortmann (20) who prepared phos-
phors by a similar technique for u.v. excitation.

SuMMARY AND CONCLUSIONS

A new method of preparing a blue electroluminescent
ZnS phosphor consists of prefiring precipitated ZnS at
a high temperature, followed by activation with Cu and
refiring at ca. 700°C. The material was characterized by
strong pale blue electroluminescence throughout the body
of the crystal in contrast to surface electroluminescence
normally obtained (3).

Properties of these phosphors appeared to be related
to the mechanism of activation. The copper necessary for
electroluminescence entered most effectively at the re-
firing stage which was the temperature where transforma-
tion from hexagonal to cubic structure occurred most
readily. This transformation was associated with the
process of one-dimensional disorder, and observations re-
ported elsewhere (16) showed the correlation between
electroluminescence and disorder. For maximum electro-
luminescence brightness, fullest use must be made of the
disorder process simultaneously with the entry of the
activator. As would be expected, therefore, the optimum
refiring temperature was in the region of 700°C.

Ultraviolet fluorescence following entry of the Cu
throughout the body of the crystal is not, however, de-
pendent on the disorder process. The results support the
view (4, 18, 19) that in addition to the electroluminescent
phosphor particles containing Cu in solid solution (and
this produces the normal u.v. fluorescence), Cu in some
other association is also present. Froclich (4), for example,
suggested that an “oxide” phase can provide barriers
“swhich are distributed in extreme subdivision in or on the
phosphor particles and in close physical contact with
them.” The function of the disorder treatment may be
to introduce this other special environment into the body
of the crystal.

Manuscript received on March 12, 1956. This paper was
prepared for delivery before the San Francisco Meeting,
April 29 to May 3, 1956.

Any discussion of this paper will appear in a Discussion
Section to be published in the December 1957 JOURNALL.
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Contact Electroluminescence

WirLt LEHMANN

Lamp Division, Westinghouse Electric Corporation, Bloomfield, New Jersey

ABSTRACT

Many powdered crystal phosphors which are normally nonelectroluminescent be-
come electroluminescent if they are simply mechanically mixed with suitable powdered
metals, or with some nonmetals of good electrical conductivity. The conclusion is
drawn, and supported by many facts, that ordinary electroluniinescence in powdered
phosphors excited by an alternating electric field (Destriau effect) is also due to sub-
stances of relatively high conductivity incorporated as small segregations within the
essentially insulating phosphor particles. The electric field near sharp edges of these
“contact substance” particles is considerably higher than the average electric field
across the phosphor crystals. Preconditions for the electroluminescent excitation proc-
ess are fulfilled in these localized regions of high field strength.

Up to the present, the well-known excitation of powdered
phosphors by alternating electric fields (intrinsic electro-
luminescence or Destriau effect) was limited to a com-
paratively small group of phosphors, mainly of the ZnS
type. Even with these materials, a good result was pos-
sible only if the phosphor was prepared under special con-
ditions different from those conditions which give the
brightest photoluminescent phosphor. Several questions
naturally arise. Why are these special preparative condi-
tions necessary? What is the essential difference between
an electroluminescent ZnS phosphor and another which
is only photoluminescent? Why are not all phosphors, or
at least all zinc sulfides, able to electroluminesce?

This paper gives details about a phenomenon which the
author calls “contact electroluminescence.” The similarity
of this contact electroluminescence to ordinary electro-
luminescence is so clear that it is likely that ordinary
electroluminescence in powdered phosphors (Destriau
effect) is caused, or at least strongly favored, by the pres-
ence of a second substance in addition to the phosphor
itself. Although the conclusion as to the necessity of a
second substance in electroluminescent phosphors is not
new, the experiment described here seems capable of
throwing new light on the action between the phosphor
and the second substance.

ExPErRIMENTS ON CoNTACT ELECTROLUMINESCENCE

Powdered phosphors which are unable to electro-
luminesce under the usual conditions in a strong alternat-
ing electric field have been mixed mechanically with
metal powders (ratio of phosphor to metal about 4:1 to
1:1 by weight). This mixture, with castor oil as the em-
bedding diclectric, was placed in a normal plaque cell

consisting of a front electrode of conducting glass over
coated with a thin, transparent, insulating film and a back
electrode of Al (Iig. 1). When an alternating voltage was
applied to this cell, the mixture of phosphor and metal was
electroluminescent.

This behavior becomes most distinct in the arrangement
shown in Fig. 2. Here part A of the cell area containing
only metal powder in castor oil is, of course, not lumi-
nescent at all. Part B containing only phosphor powder
inoil is, although photoluminescent, not electroluminescent.
However, the intermediate region AB, containing both
phosphor and metal, is electroluminescent.

The great variety of phosphors which are able to show
this contact electroluminescence is remarkable. A qualita-
tive survey of some results obtained with mixtures of
various phogphors with metal powder is given in Table I
for an applied sinusoidal voltage of 600 v rms and a fre-
quency of 10,000 cps. The embedding dielectric material
here was castor oil; similar results are obtained, however,
with other organic dielectric materials or even with air
as the embedding material. The emission color of some
phosphors is different for photo- and for electrolumines-
cence, indicating that the phosphors have really been ex-
cited by electroluminescence and not by u.v. radiation
generated by a glow discharge in the cell. No direct cor-
relation could be found between the nature of the phosphor
and its ability to be excited by contact electroluminescence,
but, in addition to the general type of the material, the
crystallinity, the activator concentration {if activators are
necessary), and other properties may also have an in-
fluence. No contact electroluminescence could be observed
under the conditions described in Ca0O-U, CaF,-U, ZnAlLO,-
Mn, CaWO,, ZnF,-Mn, and some other phosphors. Cal-
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cium halophosphates and magnesium fluorogermanates
were somewhat erratic; some samples showed a very weak
contact electroluminescence, while other samples did not.

The contact electroluminescence of a mechanical mix-
ture of a phosphor with a metal powder in an electro-
luminescent cell is not uniform; emission is confined to
many localized spots randomly distributed over the cell
area. Observation reveals that-all those phosphor particles
luminesce which, either accidentally or due to electrostatic
forces caused by the strong field, are in intimate contact
with a metal particle. Two photographs of this distinctly

Fig. 1. Cross section of the electroluminescent cell

used: a = phosphor and/or metal powder in castor oil;
b = aluminum; ¢ = Lucite; d = spacer; thickness about
100x; e = insulating transparent film, thickness about

12u; f = conducting glass.

Fi6. 2. Top view of the cell. Region A: metal powder
alone in castor oil, no luminescence; region B: phosphor
powder alone in castor oil, no electroluminescence; region
AB: mixture of metal and phosphor powder in castor oil,
electroluminescence.
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nonuniform emission are shown in Fig. 3. The brightness
of a single spot may be comparable with that of an ordinary
electroluminescent phosphor, but the over-all emission
intensity is much lower.

The dependence of the over-all emission intensity (sum
of emission of all individual spots) on the applied voltage
and frequency is the same as for an ordinary electro-
luminescent phosphor. As an example, the dependence of
the over-all brightness L on the applied voltage V can,
for contact electroluminescence as well, be closely ap-
proximated by the equation (1)

L =Aexp[—B/(V + V)] (M

with A, B, and V, as constants (Fig. 4). Other equations
proposed to describe the dependence of ordinary electro-
luminescence on the voltage are also applicable.

The dependence of the brightness of a single spot on
the applied voltage has been measured through a micro-
scope and by use of a visual photometric method. In almost
all cases this dependence can also be described by (I) or
by any of the proposed equations for L(V) of ordinary
electrolumineseence, although the constants in these equa-
tions [e.g., 4, B, and V, in (I)] differ from spot to spot.
In some cases, however, dependence of the spot brightness
on the applied voltage could not be described by any of
these equations, but here the simple equation

L = Aexp (—B/V) 11

gave a good fit. An example is shown in Fig. 5.

During the first experiments with contact electro-
luminescence the most striking fact was that not all metal
powders tested were effective as contact substances. Efforts
to correlate this ability or nonability to other properties
of the metals, e.g., to the electronic work function, were
without success. However, the metal powders were ex-
amined microscopically; all with definitely rounded par-
ticle shape were not effective as contact substances, while
those powders having particles with sharp edges were
(Fig. 6). Different metals, e.g., Mn, Fe, Al, Cu, etc., with

TABLE I. Photoluminescent and electroluminescent emission of various phosphors

l Photoluminescence Electroluminescence
Phosphor
25374 36504 Pure phosphor Mixed with metal powder
ZnS-Cu (0.03%) br green br green — m blue
ZnS-Cu (0.1%) br blue green br blue green m blue br blue
ZnS-Cu (0.01%) br green br green — m green
ZnS-Ag (0.03%) br blue br blue — br blue
Zn8-Mn (1%) m yellow br yellow — br yellow
(ZnCd)S-Cu br yellow br yellow — w green
(ZnCd)S-Ag br yellow br yellow — br yellowgreen
CaS-Bi m blue m blue — w blue
(CaSr)S-Bi m blue m blue — w blue
Zn;8i0,-Mn br green vw green — br green
Zn;GeO;-Mn br green — — m green
CaWO,-Pb br white — — vw blue
Cd.BOs br red w red — vw red
Cd,8i0,-U-Sm br pink w brown — w green
CaPO,-Tl br white br white — m white
U02(NO3),-6H,0 br green br green — w green
Anthracene br blue br blue — w blue

Intensities: br = bright, m = moderate, w = weak, vw = very weak



Vol. 104, No. 1

F1a. 3. Nonuniform distribution of the emission of con-
tact electroluminescence over the cell area. Phosphor:
green emitting Zn.S8i0;-Mn (normally not electrolumi-
nescent); contact substance: Cu metal powder; frequency:
10,000 cps; voltage: above, 400 v rms; below, 600 v rms.
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F1a. 4. Dependence of the over-all brightness, L, on the
applied voltage, V. Curve A: ordinary electroluminescence
of ZnS-Cu(0.3%), Cl, (V, = 55 v); curve B: contact elec-
troluminescence of ZnS-Mn in mixture with Mn-metal
powder, (V, = 180 v); frequency in both cases: 10,000 cps.

roughly similar particle size and shape gave about the
same effect. In addition it was found that some nonme-
tallic powdered substances, such as CusS, AgsS, or fired
ZnO, also acted as contact substances.

These experiments gave strong evidence that the con-
tact substance particles acted mainly by creating regions
of high electric field strength in the immediate neighbor-
hood of their sharp edges. For this purpose it was only
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EMISSION INTENSITY, L (ARBITRARY UNITS)

L2 3 4 5 8
1000/ v (voLTS™')

F1c. 5. Emission intensity L as a function of applied
voltage V of a single spot of contact electroluminescence,
following the law L = A exp (—B/V). Phosphor: green
emitting Zn,8i0,-Mn; contact substance: CuS powder;
frequency: 20,000 cps.

F1e. 6. Two samples of copper metal powder tested as
contact substance in contact electroluminescence. Above:
this Cu powder was not able to act effectively as contact
substance; below: this copper powder was able to act as a
good contact substance.

pecessary that the particles have suitable geometrieal
gize and shape (sharp edges) and a certain electric con-
ductivity; all their other chemical and physical properties
seem to be unimportant for thiskind of electroluminescence.

CONSIDERATIONS ON THE STRUCTURE OF
ELECTROLUMINESCENT ZINC SULFIDES

The close agreement of the dependence of the over-all
emission intensity on voltage and frequency for contact
electroluminescence and for ordinary electroluminescence
suggested strongly that the emission of an ordinary electro-
luminescent ZnS was also caused, or at least favored, by
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F1c. 7. Needlelike dislocations in a CdS ecrystallite,
observed in sharply reflected light.

Fi1g. 8. Structure of a real single crystal (a) and a real
polyerystal (b) containing a nonisomorphous second sub-
stance (schematic).

the presence of a suitable second substance in intimate
contact with the phosphor crystals. This contact substance
in electroluminescent zine sulfides may be ZnO or CusS
or, in special cases, other materials. The general assumption
that in an electroluminescent phosphor a second substance
must be present has already been made (2-6). This as-
sumption is supported not only by the phenomenon of
contact electroluminescence described here, but also by
the usual methods of preparing efficient electroluminescent
zinc sulfides which have been empirically developed. A
typical example, in which ZnO is the contact substance,
is considered in detail.

Destriau (7) originally prepared his first efficient electro-
luminescent phosphors by firing a mixture of ZnS with
Zn0. The activator concentration of this type of phosphor
may be relatively low (about 0.01-0.19% Cu), but the
amount of ZnO has to be considerably higher (up to 75%
of the phosphor and even more). Later on, this preparative
technique was used by others (8, 9), who used mostly
about 259%, ZnO. Similar phosphors are obtainable if a
ZnS phosphor is fired (or refired) under oxidizing condi-
tions, e.g., in air (6, 10); these phosphors, too, must con-
tain high percentages of ZnO after the firing process.

The solubility of ZnO in ZnS has been examined by
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Kroger and Dikhoff (11). In contrast to the ZnS-ZnSe or
ZnS-CdS systems, ZnS-ZnO does not form mixed crystals
over the whole concentration range under the usual condi-
tions; e.g., after firing at 1200°C ZnO is dissolved into ZnS
only to the extent of about 1%. If, therefore, the complete
phosphor contains more than this amount of oxide, the
excess must remain undissolved.

It is know that real crystals of all substances are never
free from defects. Fiven the best single crystal contains
disorders, dislocations, and cavities, which are often
geometrically arranged in parallel layered structure (12—
18), for reasons still unknown. Such parallel layered,
needlelike dislocations could be photographed directly by
the author in a CdS crystallite using sharply reflected
light (Fig. 7). It is generally assumed, and in some cases
it ean be stated definitely (14, 15, 17), that these small
cavities (holes in the crystal structure) contain undissolved
contaminations of nonisomorphous foreign substances if
these are present, This situation is shown schematically
in Fig. 8a. The geometrical dimension of a cavity con-
taining undissolved contaminations depends on the kind
of crvstal and its crystallization conditions and may be
very small, down to the order of 107 to 10~ em. In ad-
dition to these segregations present even in single crystal-
lites, polycrystals have larger spaces between their indi-
vidual erystallites which also may contain nonisomorphous
second substances, if present (15) (Fig. 85). This tendency
of insoluble contaminations to segregate in dislocations
and holes within the real crystal has been shown especially
for ZnS crystals by Diemer (14). Each ZnS single crystal
or polverystal must contain unavoidable dislocations,
holes, and cracks, and, if the crystal was prepared in the
presence of oxygen, either intentionally or accidentally,
these holes and cracks must contain more or less undis-
solved zinc oxide.

The electrical conductivities of the two substances ZnS
and ZnO have considerable influence on electrolumines-
cence. Fired ZnS is known to be a relatively poor con-
ductor, while fired ZnO has a much higher conductivity.
Thus, when so much ZnO is present that each phosphor
particle is practically surrounded by ZnO, ZnS erystals
are largely electrically shunted and can hardly be excited
by an extcrnal electric field. It is usual, therefore, to wash
these phosphors in a weak acid solution (such as acetic
acid) which dissolves ZnO without attacking the ZnS
crystals too much (8, 9). However, only ZnO on the sur-
faces of ZnS crystals can be dissolved in this way; ZnO
segregated inside the ZnS crystals is retained. The con-
clusion must be drawn, therefore, that this type of electro-
luminescent ZnS, washed or unwashed, always contains
small segregations of ZnO incorporated inside the larger
ZnS crystals.

Another efficient type of electroluminescent ZnS can
be prepared without any ZnO but by introduction of a rela-
tively high amount of Cu (of the order of 0.5-1%) and
use of such firing conditions that not all of the Cu is built
into the lattice as an activator (6, 19). It must be as-
sumed in this case that the phosphor after firing contains
large amounts of copper sulfide (probably Cu,S). Since
copper sulfide is also nonisomorphous with ZnS, similar
conclusions as for the case of ZnO show that this type of
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electroluminescent ZnS must contain copper sulfide as
contact substance segregated in dislocations, holes, and
cracks inside the Zn§ crystals. Other electroluminescent
zinc sulfides can be prepared with other contact substances,
such as PbS (20, 21), or several contact substances at once,
such as ZnO and Cu,S (22, 23). Since early preparations
of electroluminescent phosphors were guided mostly by
empirical intuition rather than by logical conclusions, in
many cases it is not easily possible to decide which contact
substance is present in a particular phosphor, because no
attention has been given to this point.

Erecrric Fiewp INsipE ELECTROLUMINESCENT
PuospHor PARTICLES

The presence in the crystals of a ZnS phosphor of segre-
gated particles of a contact substance of higher electrical
conductivity and irregular shape necessarily causes a
strong nonuniformity of the electric field inside the phos-
phor particles when these are subjected to an external
field. This strong nonuniformity of the internal electric
field must be present even in the case where no special
potential barriers, e.g., chemical or exhaustion barriers,
exist between the bulk of the ZnS crystal and the contact
substance. This statement should not be taken as a con-
clusion that no exhaustion or other type of barriers are
present in an electroluminescent phosphor. However, it
is believed, and supported by the experiments of contact
electroluminescence described, that these barriers are out-
weighed by the local field distortions which are caused by
the simple presence of contact substance segregations of
higher conductivity. Since in electroluminescence the
phosphor is excited by the electric field, it is evident that
this nonuniformity of the field must play an important role.
An estimate of the nonuniformity of the field caused only
by the presence of segregated, better conducting, contact
substances is made below, neglecting the influence of any
barriers, in order to obtain rough but quantitative data.
Consideration is limited to zine sulfides and related phos-
phors since the electrical and electroluminescent properties
of this class of phosphors are relatively well known. How-
ever, these considerations can be extended to other groups
of phosphors if they have roughly similar properties.

When an external alternating field is applied to the
phosphor, internal field conditions are greatly influenced
by the relaxation times of phosphor bulk and contact sub-
stance and by the applied frequency. Elementary electro-
dynamics gives the relaxation time of a homogenous sub-
stance as

1 k

T X o X 100 g 0 I
where k is the real dielectric constant and ¢ the con-
ductivity measured in (ohm-cm) . In general, the result-
ing equations for a nonhomogenous material are rather
complicated even under simplifying assumptions (24, 25).
The situation is simpler, however, when the relaxation
time of the material corisidered is not of the order of the

reciprocal frequency 1/f. In the case of 7+ < 1/f any small

field induced inside the substance vanishes within this
very short time 7 and, therefore, practically no field is
possible inside an insulated particle of this substance. But
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if + > 1/f, then the influence of conductivity can be neg-
lected and the behavior of the substance insofar as the
field distribution is concerned is practically that of an in-
sulator. These facts are well known, but they shall now
be applied to electroluminescent ZnS phosphors.

Consider first the phosphor crystal itself. The real
dielectric constant of Zn$ is known to be roughly of the
order of ¥ = 10 (26). The conductivity is less exactly
known and it may vary from sample to sample depend-
ing mainly on the purity of the crystals. However, in
general, ZnS phosphors are known to have a relatively low
conductivity and values of the order of 10~ 2 to 107
(ohm-cm)™ have frequently been measured (14, 27, 28).
Introducing these values for k£ and ¢ into (III) one obtains
a relaxation time for the pure phosphor crystal itself of the
order of 1-1000 sec. This is a much longer time than the
reciprocal of the frequency usually applied to electro-
luminescent phosphors. The conclusion may be drawn,
therefore, that the conductivity of the ZnS crystal itself
normally has very little influence on the field condition
inside the phosphor, and it is not too wrong, in a first ap-
proximation, to consider the ZnS crystal as an insulator.

The contact substance demonstrates the other extreme.
Fired ZnO, as an example, has a rather high conductivity,
up to the order of one (ohm-cm)™ and more (5, 29-31).
Also, black copper sulfide CusS is a relatively good con-
ductor. Exact values cannot be given since the conductivity
of these typical semiconductors depends greatly on the im-
purity concentration, and also on the history of the ma-
terial. But, since their dielectric constant in no case is
very different from the order & = 10, Eq. (III) shows that
the relaxation time of these substances is much shorter
than the reciprocal frequency usually applied to electro-
luminescent phosphors. Under these conditions, therefore,
an electric field practically cannot exist inside the rela-
tively highly conducting contact substances and their
electric behavior inside the phosphor particles is nearly
that of metals.

Now consider the somewhat idealized case of a contact
substance particle with infinitely good conductivity sur-
rounded by an ideally insulating phosphor erystal. If an
average electric field Fo is applied to this system, the
highest local field Frax appears near edges of the conduct-
ing particle, and the ratio Fiax/Fo is of the order of R/r,
where r is the radius of curvature of the edge and R the
particle diameter.

The largest possible geometrical dimension of a contact
substance particle in a ZnS phosphor may be of the order
of 1u. Much larger dimensions are hardly possible, since
the embedding phosphor particles themselves normally
have average diameters of the order of several microns.
The smallest possible radius of curvature may be con-
sidered to be of the order of magnitude of the lattice con-
stant of the erystalline material. Assuming, roughly,
R =3X 10*cm andr = 3 X 107® cm as the most ideal
cases, one obtains.

F max — 104F 0
as the highest possible field strength in the phosphor par-

ticles under the best conditions. Obviously, conditions
for the highest possible field strength are only very sparsely



50 JOURNAL OF THE ELECTROCHEMICAL SOCIETY

distributed throughout the phosphor, if at all. Most edges
of the conducting segregations have less favorable condi-
tions so that here the field may be increased only by lower
factors, e.g., of the order of 10 to 103. Furthermore, all
these regions of high fields must be limited to very small
spaces near the sharp edges of the contact substance segre-
gations, i.e., to “spots” inside the phosphor crystals. The
field in much the largest part of the phosphor is only of
the order of Fy, the average field applied to the phosphor.

CONCLUSIONS

The evidence outlined above for the presence in electro-
luminescent phosphors of localized “spots” of high electric
field strength due to incorporated segregations of rela-
tively highly conducting contact substances must neces-
sarily be of the greatest significance for the electrolumines-
cent excitation mechanism itself. Several conclusions can
be drawn from this picture.

(4) Due to the nonuniform electric field, the local
electroluminescent excitation and emission intensity must
also be nonuniformly distributed throughout the phosphor
crystals. This is in good agreement with published ob-
servations (6, 32). As a result of this nonuniformity of the
local emission intensity 3, the over-all emission intensity
L of a given amount » of an ¢lectroluminescent phosphor
cannot be described by the simple product L = S», but
requires an integral

L=f0v6dv

(B) The emission of an electroluminescent ZnS crystal
should be limited to very small spots. These spots may be
so closely arranged that they cannot be resolved micro-
scopically and, therefore, & more or less uniform emission
distribution may be simulated. However, the emitting
spots have actually been observed already (14, 33, 34).
A microscopic observation of these spots in phosphor
powders with particles of irregular shape may not be pos-
sible due to the high index of refraction of ZnS.

(C) Experience shows that electroluminescence of
powdered phosphors requires an average electric field
strength of at least some 10? v/cm. It is hard, of course, to
assume that such low fields should be able to produce any
direct excitation of the phosphor and any reasonable
mechanism requires higher fields. Local regions of higher
fields are a consequence of the simple presence of better
conducting contact substance segregations in the phosphor,
e.g., ZnO or Cu,S in ZnS phosphors. Near the edges of
these contact substance segregations, the field may be
higher by a factor of 10 to 10® or, in extreme cases, even
more. It is thus easily possible to reach localized fields of
the order of 10° v/cm or more.

(D) The electric field strength at any fixed point in the
phosphor crystal must be proportional to the average
electric field Fy (i.e., to the applied voltage), as long as the
preconditions for these considerations are given. Deviations
from this proportionality between F and V are to be ex-
pected only where either the contact substance is no longer
a nearly ideal conductor, i.e., at very high applied fre-
quencies, or where the phosphor crystal is not a nearly
ideal insulator, i.e., at very low frequencies or in localized
regions of extreme field strength and excitation density.
The influence of such deviations are not discussed.

January 1957

(E) The presence of a second, better conducting sub-
stance segregated in small regions inside the phosphor
erystals is one condition that a crystal phosphor be able
to electroluminesce under the usual conditions. The phos-
phor crystals should themselves be relatively poor
conductors. How far this requirement can be realized in
any preparation technique is a matter of search; but when
it is realized, probably many more types of phosphors
other than the ZnS class can be made to exhibit a good
Destriau effect. This conclusion has been drawn from ex-
perimental results of contact electroluminescence described
here. It appears that this electroluminescence of a simple
mixture of a phosphor powder with a metal powder can
serve as a valuable tool in the search for new systems of
electroluminescent phosphors.

Manuscript received February 24, 1956. Some of the ma-
terial in this paper was presented at the American Physical
Society Meeting in Pittsburgh, March 1956.

Any discussion of this paper will appear in a Discussion
Section to be published in the December 1957 JOURNAL.
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Preparation of Zirconium and Hafnium Metals by
Bomb Reduction of Their Fluorides

O. N. Carwson, F. A. Scamint, AND H. A. WILHELM

Institute for Atomic Research and Department of Chemistry, Iowa State College, Ames, Iowa

ABSTRACT

A bomb process for preparing Zr and Hf metals with Ca by the reduction of their
tetrafluorides is described. A detailed method of preparing the high purity tetrafluorides
is presented, and the purity and physical properties of the metals obtained are dis-

cussed.

Experiments on the preparation of Zr by bomb re-
ductions of ZrF, have been described by Walsh (1),
Peterson (2), and Lambert, ef al. (3). These workers all
employed the ZrF, reduction with Ca, but Walsh alone
employed Zn in the process. In this paper the preparation
of Zr and also of Hf metal by a process similar to that of
Walsh is described in detail.

Zr and Hf metals are obtained in massive form as Zn
alloys by the reduction of their tetrafluorides with Ca in
the presence of Zn. The reaction, which is sufficiently
exothermic to yield liquid products, is carried out in a
sealed bomb. The dense alloy which is immiscible with the
molten slag phase separates as a homogeneous liquid. The
Zn may later be removed from the solidified alloy by heat-
ing in a vacuum, yielding a sponge of the residual metal.
Subsequent melting in a vacuum or inert atmosphere
yields pure Zr or Hf metal in massive form. Although Hf
80 prepared is somewhat brittle, high quality, ductile Zr
can be obtained by this method.

Because of the importance of quality of the tetrafluorides
to the success of this method, a detailed description is given
for their preparation. In this investigation the greater
amount of the research and development work was done
with Zr. It was found that Hf parallels Zr quite closely in
all processing steps, so less effort was required for this de-
velopment.

The main properties which have been used here to
evaluate the quality of Zr obtained were its hardness and
ability to be cold rolled. Generally when the metal had
a hardness of less than 50 Rockwell A, or 155 Brinell
(3000 kg load), it was found to be readily fabricable by
cold rolling. Since the effect of oxide impurity on cold
fabricability of Zr is generally detrimental, successful
preparation of ductile Zr metal depends largely on ex-
clusion of oxygen from all materials and equipment used
in processing.

PreraraTioNn or Hiee Purrry ZrF,

Williams and Weaver (4) prepared anhydrous ZrF,,
free of significant amounts of oxygen by hydrofluorination
of ZrO, at 500°C followed by vacuum sublimation of ZrF,
at 650°C. Hydrated ZrF, may be prepared by the reaction
of aqueous HF and ZrOCl,-8H,0. This tetrafluoride may
then be dehydrated in a stream of HF gas at elevated
temperatures to yield anhydrous ZrF,. In the work de-
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scribed here the latter process was employed for preparing
the tetrafluoride.

ZrOCl,-8H,0 was prepared from ZrCl, (Hf free).! The
chloride was dissolved in distilled H,O, and this solution
was then evaporated to a concentration of approximately
6N in HCI, followed by cooling. Stirring the concentrated
solution during cooling resulted in a deposit of crystalline
ZrOCl;-8H,0 from which the excess liquid was easily re-
moved by filtration. These crystals were further purified
of Fe by washing in acetone.

Aqueous HF (48-70%,) was added to the solid ZrOCl,-
8H,0 resulting in the initial formation of a homogeneous
liquid solution from which ZrF,-H,O was precipitated on
further addition of HF in accordance with the following
reaction:

7r0Cl,-8H,0 + 4HF — ZrF, O (ppt) + 2HCl  (I)

The supernatant liquid was approximately 7N in HCI, in
which the solubility of the monohydrate was quite low.
Use of more dilute HF or aqueous solutions of ZrOCl,
decreased the acid concentration of the supernatant liquid,
and the yield of ZrF,-H,O crystals decreased. Addition
of excess HF to the reaction mixture likewise resulted in
a decrease in the yield of ZrF-H,0, probably due to
formation of the more soluble H,ZrFs. Consequently, it
was highly desirable to add essentially a stoichiometric
amount of HF. Addition of 2-3 drops of Th(NO;), solution
to a few milliliters of the supernatant liquid determined
the end point. If a slight excess of fluoride ion was present,
the Th(NQOs); formed a white precipitate of ThF,-2H,0.

The mixture was stirred continuously during addition
of the acid to help dissipate the heat evolved from the re-
action and to aid in formation of a granular crystalline
precipitate. After cooling to room temperature the product
was filtered using plastic filtration equipment. The pre-
cipitate was dried in air at 70°C to yield a dry ZrF,-H,0
product.

Anhydrous ZrF, was obtained by dehydrating this
monohydrate in a stream of dry HF gas. This was ac-
complished in a relatively short time in a heated rotating
chamber. The experimental equipment consisted of a
Monel tube inside of which was a Mg cylinder for contain-
ing the monohydrate. The entire assembly was slowly ro-
tated in an automatically controlled furnace.

1 Obtained from U. S. Bureau of Mines, Albany, Oreg.
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TABLE 1. Dehydration of ZrF,-H,0 in HF Atmosphere

iti ; Final heating of ZrFs Hardness of Zr
Bchol | Al Tint, - etel g e
Temp, °C Time, hr Rockwell A
1 2 400 2 48
2 3 400 5 48
3 3 450 5 51
4 1 500 7 55
5 2 550 6 70
6 | 2 600 6 71

A study was made of the temperature and time at which
the water of hydration could be removed from 500-g
batches of fluoride. Dehydration without pyrohydrolysis
is essential in the drying of ZrF, It was shown experi-
mentally that an initial dehydration in an HF atmosphere
at 225°-300°C is desirable for good grade tetrafluoride.
The treatment removes about 80% of the water of hydra-
tion in 1-3 hr. On the basis of several experiments 250°C
was selected for this initial drying step. At this temper-
ature the hydrate underwent considerable decomposition,
and the rate of pyrohydrolysis of ZrF; was exceedingly
slow.

The remaining water was readily removed by increasing
the drying temperature. As shown in Table I, the hardness
of the final metal is critically dependent on the final drying
temperature of the fluoride employed in its preparation.
The higher hardness values of metal from some batches
of the fluoride is believed to be due to the presence of
greater amounts of ZrOF; in the tetrafluoride. It is as-
sumed that the rate of pyrohydrolysis to give ZrOF, is
much greater at the higher drying temperatures. On
laboratory scale a drying treatment of 13 hr at 250°C
followed by 214 hr at 400°C with constant rotation of the
charge gave a fluoride that could be employed to give
metal of high ductility. However, for larger scale drying
operations the practice was to double the times at these
temperatures.

Several thousand pounds of ZrF; were prepared for
research use. Equipment was set up for this operation
with an output capacity of approximately 100 1b ZrF,/in-
dividual batch.

ZxrCly, if in lump form, was dissolved directiy in distilled
water. Since the solution reaction is very exothermic and
HCI is evolved, it was carried out by slow addition of
lumps to water in a ventilated area. In powder form, the
chloride was introduced into the water by suction through
a tube that extended below the surface of the water. About
50 1b of ZrCly could be dissolved in 20 gal of water, but,
if greater amounts were added, ZrOCI; began to crystallize
out upon cooling. Either polyethylene-lined steel drums
or glass-lined equipment may be used as solution vessels.
Activated charcoal was added to the chloride solution to
aid in filtering out the undissolved ZrO; and C present in
the tetrachloride. The filtrate was then concentrated by
evaporation in a glass-lined steam-heated tank to a 6N
HCIl concentration. ZrOCl,-8H,O crystallized out upon
cooling, and this was filtered through a plastic-coated
centrifugal filter.

Hydrofluorination of the ZrOCl,-8H,0 was carried out
in the equipment shown in Fig. 1. ZxOCl, crystals were
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Fic. 1. Precipitation and filtration equipment used in
the preparation of ZrF, -H,O.

placed in the Kemplas reaction vessel {3], and aqueous 709,
HT was transferred from the storage tank [1] into the
metering unit [2] by means of a suction lift. The acid was
then metered into the reaction vessel until a stoichiometric
quantity had been added. Vigorous stirring was necessary
during reaction to assure an easily filterable product.

Transfer of the supernatant liquid and the ZrF,-H;0
precipitate from the reaction vessel to the filter unit [6]
was carried out by suction. A vacuum tight lid [7] was
fitted over the top section of the filter unit and a vacuum
drawn on the entire unit by opening both valves [8] to a
steam operated aspirator. A flexible 13 in. diameter rubber
tube with Saran nozzle (9] connected to the lid of the
filter unit was submerged in the reaction vessel sucking
both the precipitate and the supernatant liquid into the
top of the filter unit. A Saran filter cloth placed over a
perforated Kemplas filter plate at the junction of the two
sections of the filter unit retained the solid and allowed the
liquid to pass into the lower section of this apparatus.
Filtration was speeded up by closing the top valve [8]
and maintaining reduced pressure on the lower portion of
the filtering unit.

The acid filtrate was discharged to the neutralizer, and
the wet precipitate was transferred to the steam heated
dryer [10]. After drying at 70°C for a few hours, the hy-
drated fluoride was transferred to the equipment shown
in Fig. 2 for dehydration. Batches of about 100 1b of
fluoride were placed in the Mg chamber [9] and the flange
bolted in place on the iron furnace tube [8]. This assembly

Fic. 2. Furnace and rotary equipment used in dehydra-
tion of ZrF,-H,0.
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extended through the electric resistance furnace [10] which
had automatic temperature control. The HF gas line
was connected and the furnace tube rotated slowly (about
20 rpm) while anhydrous HF from the cylinder [1] was
passed over the powder. Horizontal fins inside the Mg
chamber increased agitation of the powder during rota-
tion. A conical shaped trap {11] at the exit end of this
chamber prevented excessive loss of material as dust in
the exit gas stream. Dehydration of the monohydrate was
carried out at 250°C for 3 hr and 400°C for 5 hr. The exit
gases were scrubbed by a water spray [14] and passed into
a neutralizing tank {15] where a soda ash neutralizing
solution [16] was added.

Chemical analysis of a representative batch of ZrF,
dried at 250° then at 400°C showed it to contain 54.63
w/o Zr and 45.36 w/o F, which is close to the theoretical
7ZrF,. The common metallic impurities were found-to be
less than the following: 0.007 w/o 8i, 0.003 w/o Cr, 0.002
w/o Mg, 0.004 w/o Ni, 0.002 w/o Cu, 0.002 w/o Ti, 0.025
w/o Fe, 0.002 w/o Ca, and 0.003 w/o Al. A major source
of the Fe contamination is the 709% HF which is received
in steel containers. Use of higher purity HF results in much
lower Fe contamination.

PrEPARATION OF ZR METaL BY Ca REDUCTION
OF TETRAFLUORIDE

Lambert, Hagelston, and Hutchison (3) employed only
I as an additive in their preparation of Zr by bomb re-
duction. They reported that the metal thus obtained had
a hardness of 88-90 Ry (approximately 180 Bhn), and
that it could be hot forged and subsequently cold-rolled
with an over-all reduction of 80%,. However, in the process
presented here, Zn was added to the charge in order to form
a low-melting alloy during the bomnb reduction. I, was
added to form Cal, which raised the temperature of the
products and increased the fluidity of the slag. Zn was
subsequently removed almost quantitatively by heating
in a vacuum up to 1500°C. This left a Zr sponge which
could be arc melted or melted in graphite to a dense ingot.
Metal thus obtained had a hardness of 40-45 R4 (120-135
Bhn) and was, with intermittent annealing, cold rolled
to thin sheet.

The experiments described here were carried out in a
steel bomb constructed from a 2% in. diameter steel pipe.
One end of a 12 in. section of the pipe was closed by a
welded-in plate; the other end, referred to as the top of
the bomb, was threaded for a pipe cap. A refractory liner
was inserted to prevent interaction between the charge
and the bomb wall. The liner either was of a formed and
presintered type or was formed by jolting the refractory
powder around a mandrel inside the bomb. The reaction
was initiated either by placing the charged bomb in a gas
furnace or by a hot wire ignition method. In the latter
case a coil of suitable wire was embedded in the charge and
a current passed through the wire to start reaction.

Purity of the ingredients in the bomb charge, ratios of
7n, Iz, and Ca to the Zr¥F,, and the nature of the refractory
liner were major factors that determined quality and
yield of the final metal. The effects of these factors were
studied independently in numerous experiments by vary-
ing the amount or quality of each of the materials.
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Fic. 3. Zn content of bomb charge vs. hardness of Zr
after melting in graphite.

Addition of Zn to Zr lowered its melting point quite
markedly, approaching a eutectic at 1000°C at approx-
imately 33 w/o Zn. The percentage of Zn in the alloy had
a pronounced effect on the quality of the final Zr metal.
Fig. 3 illustrates graphically the effect of varying the
amount of Zn, added as turnings to the bomb charge, on
the hardness of the as-cast Zr, other factors remaining
constant. As seen from the figure, addition of about 25
w/o Zn yielded Zr metal of lowest hardness. The alloy
obtained with the 259% addition, actually contained, by
chemical analysis, approximately 21 w/o Zn. The Zr metal
obtained from the alloy showed a hardness of Rockwell
A 46.

The effect of the quality of the ZrFy on the final metal
hardness (described in a preceding section of this report)
was equally pronounced.

Another factor which was recognized but not fully
understood was the effect of amount and quality of the
Ca reductant. A Ca excess of at least 259, over the stoichi-
ometric amount appeared to be a prerequisite in order to
obtain ductile Zr. Ca used in these experiments was pre-
pared by vaecuum redistillation of commercial Ca.2 The
7Zr metal obtained with redistilled Ca was generally found
to be soft, although occasionally a batch of the redistilled
Ca would consistently yield a harder Zr. No correlation,
however, between quality of the Ca and hardness of the
resulting Zr metal was found. Chemical analysis of the
major impurities of a typical “good” batch of Ca showed
less than the following amounts: 0.005 w/o Fe, 0.004 w/o
Mn, 0.003 w/o N, 0.001 w/o Al, 0.003 w/o C, and 0.3 w/o
Meg.

Addition of a thermal booster was also essential in ob-
taining good yields and in producing good slag-metal
separation. Although the amount of I added as a booster
was not as critical as that of other constituents of the
charge, the minimum quantity of booster required for good
yields was studied and was found to vary in a manner de-
pendent on the size of the bomb. In a few experiments ZnF,
was substituted for both the Zn and I,. Good yields were
observed, and metal of comparable quality was obtained
when ZnF; was used.

2 Obtained from the New England Lime Co.
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Fig. 4. (a) Zr-Zn alloy biscuit, as-reduced; (b) Zr sponge
after dezincing in vacuum showing considerable volume
expansion resulting from rapid heating; (¢) arc-melted
button of Zr.

The liner material was also a potential source of oxygen
contamination. Early work in which a few grams of MgO,
CaO, and ZrO, were added to individual reduction charges
showed that MgO and ZrO, additions resulted in greatly
increased hardness of the Zr, whereas the CaQ addition
had relatively little effect. As a result of this and other
experiments, ZrQ,, MgO, and dolomitic oxide were elim-
inated as suitable liner materials. Ductile Zr was prepared
using a liner of CaO which was prefired to 2000°C. Results,
however, were quite inconsistent, with some reductions
resulting in ductile metal and others in quite brittle metal.
Consequently, CaF, was tried and found to be much more
satisfactory. Acid grade fluorspar, 979, CaF.? was used
successfully and resulted in metal of consistently low hard-
ness. Chief contaminants introduced by this liner were
8i, Al, and N. Pretreating CaF, by leaching in aqueous HF
or by heating in anhydrous HF at 575°C reduced the con-
tamination effects of these elements considerably.

A charge consisting of 350 g of ZrFy, 221 g Ca, 64 g Zn
chips, and 56 g I. gave ductile Zr in yields of greater than
96% when carried out under conditions pointed out above.
Equally good results were obtained regardless of whether
the charge was ignited by internal or external heating.
Successful reductions were also carried out on a larger
scale (1 kg ZrF,) employing a reduced ratio of thermal
booster.

The massive alloy obtained by reduction is referred to
as a “‘biscuit”. Fig. 4(a) shows a biscuit of the Zr-Zn alloy
obtained in the smaller scale reduction. Zn can be removed
from the alloy by heating it slowly in vacuo. At least 95%
of the Zn is readily removed at temperatures below 1250°C;
however, removal of the remaining Zn requires consider-
ably longer time at 1250°C or higher temperatures. After
being heated to 1500°-1600°C in a graphite crucible, the
sponge contains less than 0.05 w/o Zn but picks up some
C. By use of a liner of Zr sheet inside the graphite crucible
it is possible to keep the C content of the sponge at less
than 0.03 w/o. The remaining Zn is removed subsequently
during the melting. Care must be taken in the dezincing
procedure, since heating through the temperature range of
900°-1250°C may result in too rapid evolution of Zn vapors
with splattering and excessive expansion in sponge volume,
see Fig. 4(b). A sample of arc-melted sponge Zr is shown
in Fig. 4(c).

3 Obtained from Ozark-Mahoning Co.
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ProperTIES OF BoMB REDUCED ZR METAL

Several pounds of Zr metal sponge were prepared by
the method described in the preceding sections. Some of
the sponge was melted in a graphite crucible in vacuo and
some arc melted under A in conventional arc-melting
equipment employing a W electrode and a water-cooled
Cu pot. The hardness of the metal melted by either method
was found to be in the range of 40-45 R4 (120-135 Bhn
with a 3000 kg load). Zr thus prepared was cold-rolled
and, with intermittent annealing, fabricated into thin
sheets 10 mils thick.

The lattice constants of bomb reduced, and arc-melted
Zr were determined from x-ray diffraction patterns taken
with a precision back-reflection camera. The values calcu-
lated by Cohen’s analytical extrapolation method (5)
werea = 3.234and ¢ = 5.14910&, which compare favorably
with values of @ = 3.232 and ¢ = 5.148A reported by
Treco (6) for high-purity crystal bar Zr. The purity of
Zr metal prepared by the bomb process and are melted
in an inert atmosphere was determined by chemical and
spectrographic analysis. Representative amounts of the
major impurities present in metal produced by this method
are shown in Table I1.

The microstructure of a representative specimen of

TABLE I1. Chemical purity of bomb-reduced and arc-melted

Zr metal

Impurity w/o Impurity w/o
Al 0.01 Mg 0.002
C 0.03 Mn 0.003
Ca 0.003 N 0.005
Co 0.001 Ni 0.003
Cr 0.003 O 0.1*
Cu 0.003 Si 0.02
Fe 0.02 Ti 0.001

* The oxygen content of this metal has not been deter-
mined by vacuum fusion methods, but has been estimated as
0.10-0.15 w/o from Treco’s (6) plot of hardness and lattice
constants vs. oxygen content.

Fic. 5. Bomb-reduced Zr metal, as arc melted. Annealed
at 800°C and furnace cooled. Etchant: 19 HF in HNO;.
250 .
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bomb-reduced and arc-melted Zr is shown in Fig. 5. The
large equiaxed grains are a result of an annealing treat-
ment.

PreraraTioN oF Hr METAL

Starting material for the Hf preparation was a Hf con-
centrate from a Zr purification process. This contained
Zr and Hf in the ratio of approximately 1:24. Zr was
separated by a liquid-liquid extraction method employing
tributyl phosphate and an aqueous HNO; solution of
their oxychlorides (7). The resulting Hf contained less
than 0.010 w/o Zr. High-purity hafnium hydroxide was
precipitated from the aqueous phase, the hydroxide was
redissolved in HCI, and hydrated hafnium oxychloride
was crystallized out of the solution. Aqueous HF (709%,)
was added to these crystals to form hydrated hafnium
fluoride. This material was dehydrated in a stream of HF
gas by the same mcthod and temperature conditions
described in the section on the preparation of ZrF..

The Hf reduction step was also very similar to that
for Zr with slight modifications in the ratios of some of
the ingredients in the charge. Zn turnings were added to
the charge in an amount calculated to give a Hf alloy
containing 21 w/o Zn. A representative charge for the ex-
perimental 24 in. diameter bomb consisted of 350 g HfF,,
275 g 1, 192 g Ca, and 65 g Zn. A number of reductions
were also made in a 6 in. bomb in which 16 1b biscuits of
Hf-Zn alloy wére obtained. The Zn was removed by heat-
ing slowly in a graphite crucible under vacuum to 1800°C.
An over-all yield of 979, Hf metal was obtained from the
reduction and dezincing steps. The resulting sponge was
analyzed chemically and spectrographically, and the
principal impurities are shown in Table III. Although
oxygen content of the sponge was not determined, it was

TABLE III. Chemical purity of bomb-reduced Hf sponge

Element w/o
Ca. .o <0.01
Fe. ... .. ... <0.01
Mg.. .. ..................... <0.01
Sl <0.01
/1 <0.002
/) <0.01
B\ e 0.05
O Not determined

TABLE IV. Comparison of physical properties of sponge and

zodide Hf
Hf sponge Hf crystal bar
as arc melted | as arc melted
Melting Point, °C 2235 2150
Hardness, (Ra) 69 60
Lattice Constants ()
a 3.199 3.197
¢ 5.072 5.057
c/a 1.585 1.582
Density (g/cc)
Measured 13.19 13.29
Calculated from x-ray data 13.19 13.25
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F1c. 6. Bomb-reduced Hf metal, as arc melted. Etchant:
1% HF in HNOj;. 250X .

Fig. 7. Crystal bar Hf metal, as arc melted. Etchant:
1% HF in HNOj;. 250X.

undoubtedly present in considerable amounts as indicated
by the extreme brittleness of the material.

Most of this sponge was sent to the Foote Mineral Co.
for further purification by the iodide process. The dense
crystal bar metal obtained by this processing treatment
was analyzed chemically and found to have undergone
significant reduction in the C (0.03 w/o) and N (0.009
w/0) content. Some of the sponge Hf was arc-melted di-
rectly, and a few of its physical properties were compared
with those of the erystal bar Hf as shown in Table IV.

The microstructure of the arc melted sponge is shown
in Fig. 6 and of the arc melted crystal bar in Fig. 7.

SUMMARY

A practical process was developed for the preparation
of Zr and Hf metals. The method entails a bomb reduction
of ZrF, or HiF, with Ca to form a massive Zn alloy. The
7Zn was removed by heating in vacuum to yield a sponge
of Zr or Hf metal.

7ZrF, and HfF; can be prepared in high purity by an
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aqueous reaction to form the hydrated fluorides which are
subsequently dehydrated at elevated temperatures in an
atmosphere of HF gas. Extensive studies were made of the
conditions for the preparation of high-purity ZrFy, and
pilot plant equipment is described which was used to pre-
pare 100 1b batches of the fluorides.

The reduction step was investigated thoroughly, par-
ticularly for Zr, and those factors which affect metal
quality and yicld were determined. Reduction yields of
96 % were obtained with both Zr and Hf. After arc-melting,
the sponge Zr had a hardness of 40-45 Rockwell A and
was readily cold-rolled into sheet. Zr metal thus prepared
had a purity of about 99.8%,.

Hf metal, similarly prepared, had a hardness of 69
Rockwell A and was hot-rolled but was too brittle to be
easily cold worked. The Hf was low in metallic impurities,
but contained considerable amounts of C, N, and oxygen.
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Electrochemical Polarization

I. A Theoretical Analysis of the Shape of Polarization Curves

M. SterN AND A. L. GEARY

Metals Research Laboratory, Electro Metallurgical Company, A Division of Union Carbide and Carbon Corporation,

Niagara Falls, New York

ABSTRACT

At low overvoltage values, deviations from Tafel behavior for a noncorroding elec-
trode are due primarily to the reverse reaction of the oxidation-reduction system, and
at high overvoltages to concentration and/or resistance polarization. It is
shown further that the practice of placing straight lines through a few experimental
points is extremely hazardous, while the indiscriminate introduction of ‘breaks’” is
contrary to the electrode kinetics described.

Further complexities arising from a corroding electrode are described. In this in-
stance, the forward and reverse reactions of both of the oxidation-reduction systems
forming the corrosion couple must be considered. This representation of the local
polarization diagram of a corroding metal is more fundamental than that used pre-
viously in the literature, and thus provides a clearer picture of the various factors
which affect the corrosion rate and the shape of polarization curves.

A region of linear dependence of potential on applied current is described for a
corroding electrode by treating it in a manner analogous to that for a noncorroding
electrode. An equation is derived relating the slope of this linear region to the corrosion
rate and Tafel slopes. This relation provides an important new experimental approach
to the study of the electrochemistry of corroding metals since, in some instances, in-
terfering reactions prevent determination of Tafel slopes at higher current densities.

Polarization measurements are an important research
tool in investigations of a variety of electrochemical phe-
nomena, Such measurements permit studies of the reac-
tion mechanism and the kinetics of corrosion phenomena
and metal deposition. In spite of their wide applicability
and extensive use, considerable uncertainty in the inter-
pretation of polarization measurements still exists. Some
of the uncertainties include the proper method of plotting

data and the correct interpretation of “‘breaks” in polariza-
tion curves. Abrupt changes in slope of evervoltage vs.
log current have been given considerable significance in the
past few years. Logan (1) examined various methods of
plotting cathodic polarization measurements to evaluate
the correspondence between current required for complete
cathodic protection of a system and current flow at the
potential break. He reported that the potential break
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method indicated a different current requirement than
that indicated by other criteria. In addition, breaks could
be obtained regardless of whether the potential was plot-
ted as a linear or logarithmic function of applied current.
However, examination of the data presented indicates that
there is no real experimental evidence pointing toward
existence of breaks. In most cases, the plots would best
have been considered smooth curves rather than a scries
of straight lines. Schwerdtfeger and McDorman (2) pre-
sented a theory which permitted calculation of the corro-
sion rate of a metal from its polarization characteristics.
The calculation was based on plotting both anodic and
cathodic polarization as linear functions of current and
using currents at the potential “breaks” in a formula de-
rived essentially from trigonometric considerations. Again,
however, experimental evidence for the existence of breaks
was not clear-cut. Still another discussion of potential
“breaks’” was presented recently by Johnson and Babb (3)
who used irreversible thermodynamies to derive Pearson’s
(4) equation for the relation between the corrosion cur-
rent and potential breaks. Data presented by these in-
vestigators for the corrosion of Fe in KCl solutions indi-
cate that a great deal of imagination must be used when
drawing the curves in order to obtain “breaks”.

Changes in slope rather than a sharp break can be ob-
tained in H activation overvoltage measurements as a
result of the H being discharged by two different rate-
determining reactions. Parsons (5) discussed a dual mecha-
nism of H discharge and from energy considerations
calculated the potential ranges where more than one rate-
determining step might be expected. However, he did not
imply that a “break” should be found. Bockris and Con-
way (6) found the cathodic overvoltage vs. log ¢ plots for
Ag in 0.1-7.0N HCI solutions showed a marked change in
slope at current densitics which depended on acid concen-
tration. They attribute the change in slope to a change in
symmetry of the energy barrier at the electrode interface
rather than to a dual discharge mechanism. Here again a
sharp break was not found, the two linear portions of the
plot being connected by a curve over a short range of
overvoltage values.

The purpose of this discussion is to analyze the shape
of polarization curves in terms of modern concepts of elec-
trochemistry. It is shown that many of the reported breaks
in polarization curves are not real, and result either from
attempts to-apply activation overvoltage theory to data
obtained under conditions where other types of overvolt-
age are included in the measurements, or from a combina-
tion of insufficient data and an erroneous assumption that
a break must exist. In such a presentation, it is convenient
to consider first the shapes of polarization curves for a
noncorroding electrode, then to extend the analysis to in-
clude further complexities which arise from local action
currents.

A NONCORRODING KELECTRODE SYSTEM

Consider a substance Z in a solution containing its ions
Z+.1In such a system at equilibrium, the rate of oxidation

1 This might be Cu in equilibrium with Cu*. The same
analysis also applies to an inert electrode in an oxidation-
reduction system such as Pt in a ferrous-ferric solution or
in a reducing acid solution saturated with H gas.
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Fic. 1. Relationship between overvoltage and current
for the anodic and cathodic reactions of a single electrode
system.

of Z is equal to the rate of reduction of ZT(Z+ + ¢ S Z).
The reaction rate and current flow are directly related ac-
cording to Faraday’s Law. If 7. is defined as the current in
the forward (reduction) direction (Z+ + ¢ — Z) and
i, as the current in the reverse (oxidation) direction
(Z — 7Z* + e), the electrode equilibrium may be expressed
in the form

To=1T = tos @)

where 1, , is commonly called the exchange current. When
the reaction rate is controlled by a slow step requiring an
activation cnergy, the dependence of current on over-
voltage may be expressed as®

To = fos exp(— %) an
T, = G exp(—l— —’7,—,> (I1n)

where the overvoltage, n, is the difference between the
potential of the working electrode and the equilibrium po-
tential of the reaction being studied, and 8. and B/ are
constants. For a system with a symmetrical energy barrier
at the electrode interface, 8. is equal to 82 . Therefore, Eq.
(IT) and (IIT) may be written as

o>

—B. log == - Iv)

0,2

M

+8: log Z— %)

M

where 8. = 2.3 8, = 2.3 8,.

To aid in visualizing the relations given by Egs. (IV)
and (V), they have been plotted on Fig. 1 by arbitrarily
giving 8, a value of 0.100 v and %, ; a value of 1.0 pa. These

2 Other investigators have expressed these equations in
more fundamental terms. They are simplified here in order
not to detract from the main purpose of the discussion.
Excellent literature reviews and discussions on the subject
are presented by Bockris (7, 8) and Vetter 9).
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are of the same order of magnitude commmonly found by
experiment; exchange current values generally vary from
1074 to 100 pa and B values from 0.03 to 0.30 v.

Fig. 1 illustrates the relationship between the oxidation
and reduction rates and the exchange current at the equi-
librium potential and the effect of overvoltage on theserates.
When the electrode equilibrium is disturbed by external
polarization, the reaction rates change in accord with the
curves in Fig. 1. Experimentally, however, the individual
oxidation or reduction rates cannot be measured. The ex-
ternal current used for polarization actually is a measure
of the difference between the two rates. For example, if
the electrode under discussion (Fig. 1) is cathodically po-
larized from its equilibrium potential to an overvoltage
of —0.1 v, the rate of reduction is equivalent to 10 pa
while the rate of oxidation is 0.1 ua. The external current
required to polarize to this potential is the difference be-
tween 7. and 7., or 9.9 pa. If the absolute difference be-
tween the forward and the reverse reaction currents is
defined as 7, so that

-, =T (VD)

then 7; is the external cathodic current when the electrode
is polarized to some overvoltage value, 7. It is evident that
i, approaches 7, at overvoltage values sufficiently removed
from the reversible potential. It is important to emphasize
again that experimentally the only factors measured direc-
tly are n and 7, or 7, . The individual rate of oxidation or
reduction cannot be measured. Although theory shows
that there is a linear (Tafel) relationship between 7 and
log 7. or log %, , only 7 vs. log 7, is measured and plotted.
Therefore, substituting Eq. (VI) in Eq. (IV), the theo-
retical relationship between overvoltage and the logarithm
of the external cathodic current is obtained.
7 = —B.log =1 (VID
7/0.2
Using the same arbitrary values for the constants B,
and 7, . as indicated previously, and knowing the relation
between » and 7, (Eq. V), a plot of the variation of 5 with
log 7; may be constructed. This is shown in Fig. 2.2 Note
that deviation from a Tafel slope exists at the low values
of applied current. Only when the reverse (oxidation) cur-
rent, 7. , becomes insignificant in comparison to the for-
ward or reduction current can a true Tafel relation be ex-
pected. Further, Tafel slopes cannot be obtained until
applied currents reach magnitudes of several times 1, .
If it is assumed that experimental verification of a linear
relationship between n and log 7, requires linearity over a
range of about two logarithmic cycles of current, reliable
estimates of the Tafel constants 8, and 4, .* require meas-
urements in the region of 1000 times i, , .

* Points shown on this figure and all subsequent figures
are not experimental. They are calculated from the de-
rived equations and are included to illustrate the need for
considerable data to define accurately the shape of a po-
larization curve. It is quite evident, on inspection of
several of the figures, that insufficient data might lead to
a series of straight lines.

* These constants are derived experimentally from data
obtained in the Tafel region. 8, is obtained by measure-
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Fra. 2. Relationship between overvoltage and applied
cathodic current for a single electrode system.
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F1a. 3. Effect of concentration polarization on the re-
lationship between overvoltage and applied cathodic
current for a single electrode system.

The measurement of activation overvoltage may be
complicated by two interfering phenomena—concentra-
tion polarization and resistance drop effects—when the
value of the exchange current is large. Concentration po-
larization occurs when the reaction rate or the applied
external current is so large that the species being oxidized
or reduced cannot reach the surface at a sufficiently rapid
rate. The solution adjacent to the electrode surface be-
comes depleted of the reacting ions, and the rate then is
controlled by the rate at which the reacting species can
diffuse to the surface. The electrode potential changes
sharply in this region until a potential is reached where a
new reaction proceeds. The change in potential caused by

ment of the slope of # vs. log ¢: in the Tafel region, while
%0 is found by extrapolation of the Tafel region to the
reversible potential.



Vol. 104, No. 1

concentration polarization may be represented in its sim-
plest form? as
RT 4, -7,

feone. = 2.3 — log n

F - (VIII)

where 1 is the limiting diffusion current for the forward
reaction, R the gas constant, 7" the absolute temperature,
and F Faraday’s constant. When 7, approaches 0.1 i,
concentration polarization starts to become significant ex-
perimentally. The shape of a curve, including both activa-
tion and concentration polarization, is illustrated in Fig. 3.
For the purpose of this illustration, ¢ has arbitrarily been
selected as 5000 pa. The limiting diffusion current is a
function of the concentration of the reacting species, the
stirring rate of the solution, and all the other factors which
influence the maximum rate at which an ion can approach
a surface.®

Examination of Fig. 3 shows that deviation from Tafel
behavior caused by concentration polarization is quite
marked and illustrates the difficulties in overvoltage meas-
urements when working ncar the limiting diffusion current.
Note that it would be quite convenient to separate an
experimental curve of this type into at least three distinct
straight line regions and then to attempt to interpret the
breaks theoretically. Such complicating interpretations are
obviously unnecessary. Stern (13) illustrated the inter-
ference which occurs when H overvoltage measurements
are conducted in the region where concentration polariza-
tion becomes significant. Both Stern (14) and King (15)
criticized the recent work of Schuldiner (16), pointing out
that the breaks in the reported H overvoltage curves on Pt
were caused by concentration polarization effects. In ad-
dition, King pointed out that corrections for concentra-
tion polarization cannot be made quantitatively without
accurate data for ion diffusion rates. Unfortunately, how-
ever, concentration polarization appears to have been
overlooked again in more recent work with Pd (17). It is
interesting to note that more than 25 years ago Bowden
(18, 19) recognized the possibility that concentration po-
larization was the cause of breaks which he obtained dur-
ing H overvoltage measurements on Hg.

Resistance between the reference electrode and the po-
larized electrode contributes still a third term to the total
overvoltage measured. This is a linear function of current
and can be expressed as s = 7K, . If the resistance
term K,7 is arbitrarily given a value of 10 ohms, the re-
sulting deviation from Tafel behavior appears as illus-
trated in Fig. 4. Note here again that it is not only a sim-

5 Tobias, Eisenberg, and Wilke (10, 11) and Petrocelli
(12) have presented extensive discussions on concentration
polarization.

¢ The limiting diffusion current for H ion reduction in
HCl1 containing an indifferent . electrolyte and stirred by
natural convection is approximately 100 pa/em? at pH 3.1,
1000 pa/cm? at pH 2.1, and 10,000 ga/em? at pH 1.1 (13).

7 The resistance is a function of solution conductivity,
distance between the reference electrode and the sample,
and the geometry of the system. Barnartt (20) has pre-
sented an analysis of the magnitude of the IR drop ex-
pected as a function of both the current density and the
solution conduectivity. K, may actually be a function of
applied current if the conductance of the solution adjacent
to the electrode interface changes (21).
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Fia. 4. Effect of resistance polarization on the relation-
ship between overvoltage and applied cathodic current
for a single electrode system.

ple matter to draw a break in this curve, but that there
is considerable latitude in choice of the break position.

CORRODING ELECTRODE SYSTEM

One additional factor is responsible for deviations from
Tafel linearity in the low-current region: corrosion or local
action current. When shifting from a noncorroding to a
corroding system, many complicating factors arise. Two
co-existing electrochemical reactions now appear: the pre-
viously discussed oxidation reduction system, Z+ 4 ¢ 2 Z,
and the oxidation reduction system of the metal, M+ 4-¢ =
M. Each of these systems has its own exchange current
and Tafel slope so that the steady-state potential of the
corroding metal oceurs where the total rate of oxidation
equals the total rate of reduction. Thus at the steady-
state corrosion potential,

;L.z + _im = {z + ’L_m (IX)

where 7, is the rate of reduction of M* and %, is the rate
of oxidation of metal M, and 7, and %, are the rates of re-
duction and oxidation of species Z, respectively. Since the
corrosion rate by definition is 7, — %m , it is evident that
the rate may also be defined as 7. — %; at the corrosion
potential. When the corrosion potential is sufficiently re-
moved from the equilibrium potentials of the reactions,
im and 7, become insignificant in comparison to 7, and 7. .
Thus the corrosion ratc becomes equal to 7, or i, . This
has been used directly by Stern (13) to calculate corrosion
rates of Fe from H overvoltage measurements, and indi-
rectly by Elze and Fisher (22) to determine corrosion rates
in inhibited acid environments. Fig. 5 illustrates the po-
tential-current relationships for such a mixed electrode
system. The metal oxidation reduction system has been
drawn assuming an 7, ,, of 0.1 pa, a 3, value of 0.060 v,
and a reversible potential of —0.160 v. The Tafel con-
stants for the Z oxidation reduction system are as pre-
viously deseribed. Thus, eguations for the various reaction
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Fic. 5. Relationship between overvoltage and current
for a corroding electrode system consisting of two co-
existing electrochemical reactions.

rates, using the equilibrium potential of the Z species re-
action as a zero reference, are as follows:

Z Reduction
T, 7,
n = -8, log ;o—z = —0.100 log 10 X)
Z Oxidation
7 = +B.log == = +0.100 log = (X1)

Metal Reduction

7= —0.160 — 8y, log ;’" = —~0.160 — 0.060 log(;—"{ (XID)
Metal Oxidation
7= —0.160 4 B, log ;"" = —0.160 + 0.060 log% (XIID)

The constants are all arbitrary values. At any given poten-
tial, the rate of each reaction is indicated in Fig. 5. As
already discussed, the corrosion potential is closely ap-
proximated by the potential at which 7, = %, . This cur-
rent is labeled 7corr in Fig. 5. It is quite important to note
both the similarities and differences between this diagram
of the electrochemistry of a corroding metal and that com-
monly used in the earlier literature (23, 24). Since the
various oxidation reduction reactions occur at a finite rate
even at the equilibrium potentials, it is apparent that the
usual simplified polarization diagrams which have a linear
current ordinate starting at zero are not strictly valid.
Although the diagram in Fig. 5 is more in accord with
modern electrochemical principles, its greatest value lies
in the ease with which it permits an understanding of the
shape and nature of experimental polarization curves. An
expression describing the shape of the experimental ca-
thodic polarization curve of a corroding electrode may be
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derived in the following manner. The external applied ca-
thodic current, 7, , is equal to the difference between the
sum of the rates of all the reduction reactions and the sum
of the rates of all the oxidation reactions. Thus,

Tp = (& + i) — (& + m) (XIV)

Since the local action current during cathodic polarization
may be defined as

1:la = :[m - im (XV)
‘iz = -iz et iz — Ua (XVI)
but
i
7= —f log — X
to,z
therefore,
{z + :L_z + ’ila
= —f.log——— (XVID)
%0,z
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F1c. 6. Relationship between overvoltage and applied
cathodic current for a corroding electrode system.
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Fig. 7. Effect of concentration polarization and re-
sistance polarization on the relationship between over-
voltage and applied cathodic current for a corroding elec-
trode system.
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Since the variations of 7, and 7;, with 5 are known [Eq.
(XI), (XII), and (XIII)], Eq. (XVII) permits a calcula-
tion of the potential change as a function of applied ca-
thodic current. A similar equation may be derived for
anodic polarization and would be of the form:

7 = —0.160 + B, log

iz + i'Lla -+ im (XVIII)

0,m

Fig. 6 shows the expected curve for the overvoltage as
a function of the applied cathodic current, (7.), for the
system described above. This should be compared with
Fig. 2 which shows the corresponding cathodic polariza-
tion curve for a noncorroding electrode with the same
Tafel constants. Note that deviation from Tafel behavior
occurs at much higher polarizing currents for the corroding
electrode. True Tafel behavior is not evident until po-
larizing currents of the order of several times the corrosion
current are applied.

If concentration polarization and resistance drop effects
are included in the measurements, Eq. (XVII) becomes

i:c + 7[: + 'ila
0,2
RT i, — Tz — %

2.3 —
+ 3nF log .

7 = —pB;log
XI1xX)
- . K,

For the same values of 71, and K, used previously, Fig. 7
shows the effect of external applied cathodic current, 7.,
on the measured potential, #. Fig. 7 contains only a very
short region which exhibits the Tafel slope, 8. . This is,
of course, due to the choice of numbers used in this exam-
ple. An increase in the corrosion current or in K, and a
decrease in 7z would completely eliminate any observable
Tafel behavior. It is worth emphasizing here again that
with a curve such as Fig. 7 a variety of straight line sec-
tions may be drawn with breaks placed at convenient
positions. Obviously, such a treatment would be quite in-
correct and contrary to the electrode kinetics described.

LiNnEsR vs. Tarern PorLarizaTioN BEHAVIOR

In addition to the problem of polarization breaks, the
question arises continually as to whether polarization
should be a linear or logarithmic function of applied cur-
rent. For example, Straumanis, Shih, and Schlechten (25,
26) have found Tafel behavior for H overvoltage on Ti in
HC], HBr, and H,S0,, but report a linear dependence of
overvoltage on applied current in HF. In addition, these
authors show that the linear relation is maintained if the
Ti dissolves, while the Tafel relation holds if the Ti ceases
to dissolve because of fluoride additions. That these re-
sults are in accord with the electrode kinetics described
above is illustrated here.

A Noncorroding Electrode

Butler and Armstrong (27) have shown that the over-
voltage of a reversible electrode is a linear function of ap=
plied current for values of overvoltage only slightly re-
moved from the reversible potential. Proof of this can be
found in the following derivation. Rearrangement of Egs.
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Fic. 8. Linear relationship between overvoltage and
applied current for a single electrode system at over-
voltage values only slightly removed from the reversible
potential.

(IV) and (V) and substitution of these into Eq. (VI) yields
{x = io,z[lo_"/ﬂ' — 10+ﬂ/ﬁz] (XX)

For small values of 7/8. where 10~"#¢ may be approxi-
mated by 1 — 5/8. (2.3) and 107" may be approxi-
mated by 1 + 5/8. (2.3), Eq. (XX) reduces to

Ty = —(2)(2.3)(%,2)n/B: and (XXI)

dn Bz
— = — e XX1I
diz)ﬂ-'o in,z (2) (23) ( )
Thus, measurements of overvoltage close to the reversible
potential will yield results in accord with Eq. (XXII).
For the system Zt + ¢ = Z where 8. = 0.100 and %, , =
d
1.0 pa (Fig. 1), Bq. (XXII) indicates that d—?)
iz
—0.0217 v/ua. Fig. 8 is a plot of 5 as a function of 7.
calculated from Eq. (VII) for small values of #. Note that
the linear relation predicted by Eq. (XXII) applies for »
values up to about 20 mv.

I

10

Corroding Electrode

The same analysis may be applied to a corroding elec-
trode where the corrosion potential is determined by the
intersection of two logarithmic polarization curves. The
corrosion current in this case is analogous to the exchange
current of a noncorroding electrode.

Thus?
—l.z = —23 icorr € (%%) and (XXIII)
de _ 62 6m
E’i)e»o = T @Dl Bo + By XXV

For the mixed electrode system described earlier and illus-
trated in Fig. 5,

de
-— = —0.0040 v
ﬁz) >0 /Ma

Fig. 9 is a plot of € as a function of 7; calculated from Eq.
(XVII) for small values of e. Here again a linear relation
between electrode potential and applied current is found.
It 1s important to note that the linear behavior extends to

8 ¢ is the difference between the polarized potential and
the corrosion potential.
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Fia. 9. Linear relationship between potential and ap-
plied current at potentials only slightly removed from the
corrosion potential. ¢ is the difference between the po-
larized potential and the corrosion potential.

applied current values higher than the corrosion current.
As stated previously, Tafel behavior would not be indi-
cated until applied current values approximately ten
times %eopr are reached.

In the data reported by Straumanis (25, 26) for the
linear dependence of H overvoltage on applied current for
Ti in HF, the region where Tafel behavior would be ex-
pected to appear had not been reached experimentally be-
cause of the high corrosion current under the conditions
of test. For examnple, the corrosion rate of Ti in 1N HF
has been reported as equivalent to 85 ma/cm? (28), while
the overvoltage measurements were not carried farther
than 50 ma/cm?.

Eq. (XXIV) is valuable from both a theoretical and an
experimental point of view, since it relates the corrosion
rate and the Tafcl slopes to polarization measurements
close to the corrosion potential. Thus, low current po-
larization measurements combined with corrosion rate
data permit a calculation of one of the Tafel slopes if the
other is known. This is of great value when concentration
polarization or IR drop effects interfere with measure-
ments at the higher currents. In addition, measurements
are made close to the corrosion potential, thus climinating
any surface changes which may result from high current
polarization,

ADDITIONAL CAUusEs FOR TAFEL DEVIATION

The Tafel constants for Fig. 5 have been picked con-
veniently to vield a single Tafel relation at the currents
illustrated in Fig. 6. Inspection of Fig, 5, however, reveals
that 7,, becomes significant in respect to 7. at very high
current values. In this current region, the Tafel slope of
Fig. 6 will gradually change from 8, to 8, . When ©,,>> 17, ,
a new Tafel slope exists with a value of 8, . A plot of the
overvoltage curve for this situation is presented in Fig. 10.
Obviously, a different choice of 8. , 8. , %0.. , and 7, » could
create this shift in Tafel slope at lower currents and smaller
values of overvoltage. It is important to note that the
change in slope takes place gradually and results in a curve
which is only “Tafel-like” in nature over a considerable
range of current. It would be a simple matter, although
incorrect, to draw several Tafel lines through this curve.
Thus, it is evident that real Tafel behavior will not be ob-
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served in a potential range where two or more reduction
reactions occur at similar rates.

A further extension of the concepts presented here shows
that an improvement in the efficiency of reducing M+ at
any given potential may be achieved by increasing 8.,
decreasing B, , increasing %,. , decreasing %,,, or by
reducing the difference between the reversible potentials
of the two oxidation reduction systems. Thus, the analysis
presented here is important in the study of metal plating
efficiency as well as corrosion phenomena.

DiscussioN

The picture of a mixed electrode presented above could
be made more extensive by including even a third oxida-
tion reduction system.® It is doubtful whether a detailed
discussion of such a system would be of benefit at the
present, but it will be included in a future publication.
It is worth noting in passing, however, that the polariza-
tion curves would be even more complex than those dis-
cussed here.

This analysis has illustrated several important concepts
which are worth listing for emphasis.

1. The representation of a corroding metal by polariza-
tion diagrams should be extended to include the reverse
reactions of the various oxidation reduction systems which
are operative.

2. Deviations from Tafel behavior may be caused by
local action currents, concentration polarization, and IR
drop effects, and by a change in the predominant electrode
reaction.

3. An experimental polarization curve may show a linear
dependence of potential on applied current for small
amounts of polarization.

4. An equation has been derived which relates the slope
of the linear region of a polarization measurement to the
corrosion rate and the Tafel slopes. This equation will
prove valuable when interfering reactions prevent the de-
termination of the Tafel constants at higher currents.

5. The shape of an experimental electrochemical po-
larization curve, either cathodic or anodie, can be analyzed

? An example of this would be Fe corroding in acid with
a depolarizer such as oxygen or ferric ion.
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if sufficient data are obtained to permit an accurate de-
scription of the curve. Placing straight lines through four
or five experimental points is hazardous, while the indis-
criminate introduction of “breaks” is contrary to modern
electrochemical concepts. Sufficient information concern-
ing the system should be available to estimate whether
concentration polarization or resistance drop effects have
been included in the measurements.

Although this analysis contains only calculated polar-
ization curves, a subsequent discussion will illustrate how
experimental measurements comply with the electrode
kinetics described.

The picture of a corroding metal presented here is con-
sistent with the concept or theory of mixed potentials
originally treated by Wagner and Traud (29) and subse-
quently discussed by Petrocelli (30). The concept of dis-
crete anodic and cathodic areas in electrochemical corro-
sion may be considered a special case of this theory.

Manuscript received Feb. 24, 1956,
Any discussion of this paper will appear in a Discussion
Section to be published in the December 1957 JOURNAL.

LIST OF SYMBOLS USED

i = Cathodic or reduction current of Z oxidation
reduction system.
Tm = Cathodic or reduction current of M oxidation

reduction system,
1z = Anodic or oxidation current of Z oxidation
reduction system.
Anodic or oxidation current of M oxidation
reduction system.

=
3
Il

Loz = The exchange current of the Z reaction. This
is equal to the oxidation or reduction cur-
rent at equilibrium

Toum = The exchange current of the M reaction. This
is equal to the oxidation or reduction cur-
rent at equilibrium

8. == The Tafel slope or dn - for the Z oxidation

dlogt
reduction system.

Bm = The Tafel slope or dn . for the M oxidation

dlog
reduction system.

Tz = The external applied eathodic current.

14 = The external applied anodic current.

7 = Overvoltage or difference in potential between
a polarized electrode and an electrode at
equilibrium for the same reaction.

Neono = Concentration overvoltage.

Tres = Resistance overvoltage.

1L = Lamiting diffusion current.

1la = Local action current.

Poorr = Corrosion current or the local action current

at the corrosion potential.

K.

Resistance factor for calculating the IR drop
included in polarization measurements.
This factor includes the solution conduc-
tivity and the system geometry.

The difference between the potential polarized
by applied current and the corrosion poten-
tial.

I

dn

dis

de

-
di;

ho -t

O

24
25
26
27
28
29

30

—-) = Theslope of the overvoltage vs. current curve for
7>

small overvoltage values.
) = The slope of the ¢ vs. current curve for small
>0
values of e.
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Technical Feature

High-Temperature Material Requirements of the

Air Forece

R. A. JonEs

Materials Branch, Equipment Division, Headquariers, Air Research and Development Command, Baltimore, Maryland

“Aircraft designers are always on the lookout for any
improvement in the heat resistance of materials. They will
utilize any such improvement providing availability and
production requirements can be met and providing un-
acceptable compromises in strength/weight properties,
fatigue resistance and reliability are not involved.” This
statement summarizes Air Force requirements for heat-
resistant materials, but the subject of high temperatures
is too important to be dismissed with such a statement.
More detailed discussion is necessary to obtain a clearer
understanding of the problem facing the aireraft industry
and the Air Force materials suppliers and scientists. As
background information, high temperatures have con-
sistently worried engine designers. In fact, much of the
high-temperature metallurgical research and development,
which later made the turbojet engine possible, resulted
from requirements of the turbo-supercharger. This re-
ciprocating engine booster harnessed surplus energy in the
hot exhaust gases and permitted the high level flight opera-
tions in which the U. S. excelled during World War II.
Its success was directly dependent on materials which could
stand high stresses while at temperatures of 1200°-1500°F.

Even though high temperatures do not pose an entirely
new set of problems to the aeronautical engineer, two facts
which have become increasingly apparent over the past
few years focus increased attention on the subject. The
first is the advent of aerodynamic heating as a major design
and operational factor for both piloted and pilotless air-
craft. The second is the realization that many of the easy-
to-use materials, especially metal alloys, have been quite
fully exploited and further progress toward greater heat
resistance has approached a condition of diminishing re-
turns. These factors will be discussed briefly from the
standpoint of their impact on materials research, develop-
ment, and engineering.

Fig. 1 indicates the nature of the ‘“thermal thicket”
posed by aerodynamic heating. Temperatures are calcu-
lated maximum values based on standard atmospheric con-
ditions. An aircraft operating under conditions of aero-
dynamic heating may be considered to be immersed in
a hot gas stream but free to radiate into outer space. Actual
temperatures will be somewhat lower than these theoretical
values and may vary appreciably over the surface due to
variations in airflow and boundary layer conditions.
Furthermore, as the vehicle penetrates or emerges from the
“thermal thicket,” there will be a certain time lag in the
heating or cooling of the structure (Fig. 2).

As mentioned previously, high temperatures are nothing
new to aeronautical designers and reasonably good success
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has been attained in coping with temperatures using
present materials. Why then does this aerodynamic heat-
ing, even to the low value of 300°-400°F associated with
extended Mach 2.5 flight, cause so much concern? Some
of the reasons follow:

1. In the case of power plants and other heat-generating
components, the excessively hot areas can be cooled, in-
sulated, and even replaced after having received a limiting
amount of stress and heat. Aerodynamic heating, however,
has a more general effect since it subjects to heat those
structural components customarily designed to operate at
or near normal atmospheric temperatures. It also limits
or eliminates the atmosphere as a low-temperature heat
sink; thus, cooling becomes difficult and expensive and
more heat resistance is desired from all materials. “Heat
resistance’” and ‘‘high temperatures” are relative terms
and the problem of increasing heat toleration of rubber
tires from 250° to 350°F may be as perplexing as that of
developing a 2500°F turbine bucket material.

2. Since the days of wood and fabric airplanes, aluminum
alloys, and to a lesser extent magnesium, have served as
the primary aircraft structural materials. As shown in
Fig. 3, the strength of these materials decreases so rapidly
above 300°-400°F that they become of limited use for
Mach 2 plus aircraft. These materials will, undoubtedly, be
improved further, but a change over to more heat-resistant
materials appears necessary to optimize future high per-
formance designs. The change over will make obsolete most
of the design data, know-how, and manufacturing ex-
perience which has been accumulated over the past 30
years. ]

3. The duration of operation under severe aerodynamic
heating is comparatively short in many cases. Structural
stresses must, however, be high under the conditions which
produce this heating in order to avoid prohibitive over-
design for the less severe conditions which occur during
most of the life of the vehicle. Material properties which
control designing for these conditions are short time, high-
temperature strength, and creep. Such design data are not
adequately available even for existing materials, and, in
many cases, the test equipment and techniques for obtain-
ing such data are not available.

4. Aerodynamic heating often occurs under transient
conditions with intense temperature gradients being es-
tablished in the missile or aircraft structure. This may
result in a buildup of thermal stresses which can equal or
exceed aerodynamic loads. New design concepts consider-
ing thermal expansion and conductivity properties of
materials and structures will be needed to cope with these
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conditions. Insulation and cooling, in addition to a general
increase in the heat toleration of materials and components,
may be necessary to handle some of the more severe condi-
tions.

Having recognized the fact that future aircraft and
missiles will be exposed to a temperature environment
which may exceed the melting point of any material, what
can the designer and materials engineer do to insure suc-
cessful operation? Obviously, one should not expect the
problem to be completely solved by either approach.
Adroit designing can and will surmount many of the diffi-
culties but, as in the past, optimum designs result from
a coordinated effort by both designers and materials engi-
neers. It may very well be that the necessary margin of
superiority of future weapon systems will stem directly
from the materials engineer’s ability to provide more heat-
resistant materials which will simplify the design problem.
Iy the past, aeronautical designers were faced with ma-
terials problems, but these were dwarfed by the stability,
control, engine and propeller design problems. Further-
more, suitable materials have either been available or have
been developed without undue delay. Today the situation
is reversed and more and more often the statement is
heard that ‘“the limiting factor is suitable heat-resistant
materials.”

Fig. 1. Nature of ‘“thermal thicket’” posed by aero-
dynamic heating.
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Fig. 4. Manner and limits of progress for common aero-
nautical materials.

Just what is the “suitable heat-resistant material?”’
Generally speaking, from a design and production stand-
point, it is a “souped up” or improved version of some
well-known, currently used material. Such a material is
applicable to current design concepts and is amenable to
production by existing techniques and equipment. There
is, however, a limit to the progress and improvements
which can be made in this direction. All materials have
a structural use ceiling or plateau established by melting
point, thermal decomposition or some other temperature-
affected characteristic. Fig. 4 indicates the usual nature
of progress toward this use ceiling. Unfortunately, the
“easy”’ steps of progress have already been made for many
conventional type of materials and further steps upward
will become increasingly costly and difficult. The real
promise for breaking this “diminishing returns” situation
lies with the refractory but difficult to use materials which
have not yet been fully exploited. In the upper temperature
bracket, they include such materials as molybdenum and
various ceramic and cermet compositions.

Development of the refractory metals, ceramics, and
cermets to a point suitable for aircraft and missile uses
poses a challenge to both the aeronautical and materials
engineer. The materials man is not quite sure what is
wanted and the specific requirements he receives are too
often derived from design concepts based on materials
currently used. The “promising” new material is then
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evaluated and employed under adverse or less than ideal
conditions, with unsatisfactory results familiar to all. It
would be fine if the Air Force and aeronautical designers
could present requirements for heat-resistant materials on
which to base future designs. This is possible only on a
generalized Dbasis since engineering designs in actuality
are based on the materials of construction. Until new ma-
terials are developed, evaluated, and design data de-
termined, the designer must rely on the “old” materials and
use design ingenuity to surmount their limitations. This
manner of making progress, with gradual introduction of
new materials, is satisfactory and even essential in in-
dustrial competition where amortization of equipment and
facilities is of controlling importance.

If the Air Force is to achieve the ‘‘breakthroughs” and
major spurts in progress, which are essential to retaining
technical superiority, then the materials research and de-
velopment people must take a leading—not a supporting—
role. They cannot wait for someone to tell them exactly
what is needed, but must assume a share of the responsi-
bility for suggesting applications and carrying develop-
ments of new materials through prototype application
and production without the usual long incubation period.
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They must work shoulder to shoulder with experimental
designers in order to insure the optimum design-material
combination for breaking through the thermal thicket.
Since, as J. B. Macauley, Deputy Assistant Secretary of
Defense for R & D, recently wrote, ... materials are
in so many instances the limiting factors in progress on
development of weapons,”’ then weapon designs should be
adapted to materials rather than the reverse procedure
which is now too often the hardware development philoso-
phy. This will require teamwork of the type which charac-
terized the successful development of ceramic nozzles
and combustion chamber liners for rocket thrust cylinders.
The history and status of that program are well known
and, according to the program, more will be heard on that
subject later. Such teamwork, in which materials scien-
tists and engineers play a leading role, will be absolutely
essential if the U.S. Air Force is to maintain its position
of technical superiority.

Manuscript received May 2, 1956. This paper was pre-
pared for delivery before the San Francisco Meeting,
April 29 to May 3, 1956.

Any discussion of this paper will appear in a Discussion
Section to be published in the December 1957 JOURNAL.
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Instrumentation for Use in Storage Battery Studies

G. W. Work anxDp C. P. WALES

Naval Research Laboratory, Washington, D. C.

ABSTRACT

Instrumentation for use in a wide range of storage battery studies has been evolved.
This storage battery analyzer features simplicity and accuracy of control, a wide scope
of variables measured, and a complete, continuous record.

A null-balance servo system controls the output of the rectified d-¢c power supply at
any desired current or voltage by continuously regulating the a-c input. Individual
plate potentials, temperature, gas concentrations, and gas volumes are continuously
measured and recorded. Optional equipment permits additional types of automatic
cycling or other use in varied applications. The possibilities of the use of such meth-
ods are briefly illustrated and discussed from data on some Ni-Cd cells.

While many storage battery studies have been made in
the past, much of the information has been difficult to
interpret, at least partly because of the limited scope or
type of measurements. The cell characteristics usually
measured are voltage, current, and temperature, plus
scattered observations of gas evolution, and, in the case
of the Pb-acid battery, specific gravity of the electrolyte.
Since each of these measured functions often includes
several variables, the data may fail to indicate clearly
where changes are taking place. The cell voltage, for ex-
ample, is made up of the potential of both the positive
plate and the negative plate. Since many factors affect
each of these individually, cell voltage does not neces-
sarily reflect the true picture. Individual plate potential
measurements have often been made but seldom on a
continuous basis. If the individual plate potentials are
correlated with the gas evolution from that plate, the
data become much more useful. In addition, data taken
on a 24 hr/day basis, with such variables as current and
temperature accurately controlled, would not only save
time but might turn up unexpected yet important features.

In an attempt to obtain a more complete picture of an
operating battery, a number of methods have been de-
veloped over the course of several years at this laboratory.
More recently these methods have been incorporated into
a single system which can be put into use and operated
like any other laboratory instrument. This storage battery
analyzer is simple to understand and use, and can, for the
most part, be built from commercially available parts at a
reasonable cost. Although the principles involved are not
necessarily new, this analyzer’s uniqueness lies chiefly in
the combination of simplicity and accuracy of control, the
scope of the variables measured, and the complete and
continuous record obtained. While the equipment de-
scribed is an outgrowth of work on alkaline storage bat-
teries, it was so designed that it may be used with any
other type of battery or with related problems.

Basic Unirs

The instrumentation consists of three general groups of
components: (a) the power supply, (b) the analyzer, and
(¢) the recorder. All components are mounted on a stand-
ard 19-in. relay rack in a single cabinet except for the
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large wet test meters and power units rated at 30 amp
or more.

Power supply group.—The power supply group includes
the main power unit, a controller unit, and a battery for
a low-voltage d-c source.

The main power units are built in several sizes in the
interest of efficiency. Beginning with a 60-cycle a-c¢ supply
in each case, a full-wave rectificd DC with maximum
ripple of 19 is obtained by means of a variable trans-
former, a copper oxide type of rectifier, and a filter circuit.
The small to medium size units operate from a 115-v
single-phase line as a matter of convenience. Three-phase
AC would be preferred, if available, since it gives a better
current characteristic with less filtering and has been used
with all large power units. The unit also houses the ap-
propriately sized charge-discharge current relays, shunts,
current and voltage indicating meters, and terminals. The
recorder shunt value is chosen so as to give an indication
well up on the recorder scale and so that the recorder
reading will be a simple multiple of the actual current.
Control shunt sizes are chosen so that the 10-turn variable
resistors are not operated at their extreme ends and may
usually be selected for easy reading from the dial for pre-
setting both charge and discharge values. Regardless of
the size or rating, all power units have uniform plug-in
connections to the recorder and the controller, and thus
may be used interchangeably to meet the specific power
need. Terminals are also provided for attaching an ap-
propriately sized discharge resistor. This resistor is
selected to give the discharge circuit a potential drop
somewhat greater than the cell potential so that the power
unit must add a little to drive the discharge at the desired
rate. These discharge resistors range from small radio
types to large water-cooled units. An unusual type in this
latter group is a motor-driven variable resistor consisting
of a pair of spirally wound brass tubes with graduated
wall thickness. This construction gives the effect of a
tapered rheostat with a resistance range which permits a
2 v battery to be discharged at rates between 50 and
1000 amp.

The heart of the controller unit is a servo-amplifier
system operating on the null balance principle. From the
wiring diagram, Fig. 1, it may be seen that the input sig-
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nal to the servo, taken from the control shunt (if current
is to be controlled) or from a voltage divider (if voltage
is to be controlled), is continuously compared with a
standard millivoltage set by means of the 10-turn poten-
tiometers, and powered by the 2 v Pb-acid cell. Any un-
balance is converted to AC, amplified, and used to drive
a two-phase induction motor geared to the variable trans-
former in the main power unit. Thus, the d-c¢ output is
continuously regulated by changing the a-c input to the
rectifier. The controller unit also includes the necessary
control switches, indicating lights, control knobs for
setting the current or potential values for both charge and
discharge, and a meter to indicate the position of the
variable transformer. In addition there is space on the
panel for insertion of a voltage cutoff unit. Although this
controller has not been used for that purpose, there ap-
pears to be no reason why it could not regulate the output
of a d-c generator, the servo motor being geared to the
field rheostat.

The third part of the power supply group is a constant
low-voltage d-¢ source, which:is required to supply the
bucking potential for the controller, power for the H
analyzers, and, in some cases, power to the solenoid-
operated gas volume marking pens. Suitable regulated
electronic d-¢ sources are available but are expensive. A
2-v, 200-amp hr, low-discharge type of Pb-acid cell has
been found quite satisfactory for the first two needs, and
a small transformer-rectifier mounted on the recorder
case is adequate for the recorder pens. Ideally, the H
analyzers should have a constant current source, but,
since the current can be recorded continuously for refer-
ence, this type of battery is adequate.

Analyzer group.—The reference-electrode unit plus an
auxiliary electrode make possible continuous individual
plate potential measurements. A Hg, HgO/OH™ half cell
with its tip in the electrolyte just above the tops of the
plates has been found quite satisfactory as a third electrode
with alkaline batteries. The indication is somewhat af-
fected by the position of the electrode tip in the lines of
force about the tops of the plates during current flow
through the cell being measured. If the tip is kept in the
same position, however, reproducible measurements of
magnitude and direction of potential change can be
made.
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The electronic part of the reference-electrode unit con-
verts the potential between the half-cell and one battery
terminal to a continuously recordable signal without
polarizing the half-cell. This unit serves as many as three
reference electrodes and is basically the pertinent parts of
three high-resistance electronic voltmeters modified and
mounted on a single chassis. A voltmeter is modified by
simply replacing a resistor ahead of the indicating meter
with a voltage divider of the same total resistance and
taking the output to the recorder from part of this new
voltage divider. Fig. 2 is a circuit diagram of one such
modified voltmeter. Provision is also made for periodic
setting or checking of the calibration by plugging a port-
able potentiometer into the jacks on the front panel.

The H analyzer determines the concentration of H in
the gas evolved from one to three cells at a time by means
of commercially available, thermal-conductivity-type
measuring cells. The degree of bridge unbalance and the
current passing through the cells are both recorded. The
analyzer is calibrated at three current values with several
concentrations so that if the current varies, the gas con-
centration can still be determined from the recorded cell
current. Any spray is removed, and the gas is dried by
passing it over solid KOH before it reaches the analyzing
cells. With the water vapor thus removed, oxygen may be
calculated readily from the H record.

Gas volumes are measured by the use of the proper size
of wet test meter. Commercial wet test meters are avail-
able in volumes of one liter or more and need no alteration
other than the addition of an electrical contact to facilitate
recording the revolutions on a time recorder. In this case,
the revolutions may be recorded by pens, mounted on the
side of the main recorder, which mark on the edge of the
chart in line with the recorder printing. A 20-ml wet test
meter for use with small cells or low gas flows has been
designed and built along the same general principles as the
larger types. Fig. 3 shows an exploded view of the plastic
rotor which is the basic measuring element in this meter.
The revolutions of the rotor are counted by an optical
photocell system triggered by a small mirror on the rim
of the rotor. Thus, knowing the volumes of gas recorded
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Fia. 3. Midget wet test meter rotor

against time and the gas concentration, H and oxygen
gassing rates may be calculated.

Voltage dividers made from precision resistors are used
to get recordable. cell and/or battery voltages. Current
values are obtained from appropriately sized shunts.
Temperature measurements utilize the usual thermo-
couples. Using the measuring instruments in a tempera-
ture-controlled room simplifies gassing calculations, and
another variable may be climinated if the batteries being
studied are in a temperature-controlled box.

Recorder—Any standard, multipoint, strip chart,
electronic, millivolt potentiometer which records con-
tinuously may be used to indicate and record data pro-
vided its selector switch is fully nonshorting between ad-
jacent points. Staggering the points on the switch not
only makes chart reading casier but also helps prevent
trouble from high voltages between leads from opposite
ends of a battery. The instrument most commonly used
at this laboratory is a 16-point, 0-20 mv, self-balancing
recorder with a choice of several chart speeds. It prints
the sequence of points in about 2% min, although this may
be speeded up when desired. The three-pen, gas-volume
marking equipment often used at the right side of the
recorder paper was designed and built at this laboratory,
but one or two pen units are available as part of the
recorder from some manufacturers.

OPTIONAL EQUIPMENT

Voltage cutoff.—Control points are available for installa-
tion on some recorders. When so equipped, the recorder
checks certain points each time they are measured, and
if the value has reached an adjustable, pre-set upper or
lower limit, a switch is operated automatically to open or
close a circuit. If the cell voltage, for example, is connected
to one of these control points, it may be used as an auto-
matic voltage cutoff to end a charge or discharge.

For recorders not equipped with control points, a volt-
age cutoff unit may be added to the basic controller unit.
This cutoff unit consists of a voltage-sensitive relay with
built-in solenoid reset, an adjustable series resistor, and a
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small relay wired into the basic controller at the point
indicated in Fig. 1.

Cycler—The basic controller has provision for starting,
stopping, or delaying an operation by means of an ex-
ternal timer. Where automatic cycling is desired, the
functions of the CHG-OFF-DIS switch are transferred to
a pair of interlocking relays. The original CHG-OFF-DIS
switch or a single-pole, double-throw, three-position switch
then operates the relays during manual operation and a
single-pole, double-throw timer operates them during
cycling.

Another type of cycle to which the controller may be
adapted is a cycle lasting a definite length of time but
with both charge and discharge cutoff on voltage. Some
AgO-Zn cells, for example, discharged at 10 amp to 1 v,
immediately recharged at 4 amp to 2.1 v, and stood the
remainder of 48 hr before automatically repeating the
cycle.

A somewhat more common cycle is one where the
charge is against time and the discharge is to a voltage.
This is readily accomplished with the controller to which
a voltage cutoff has been added with a minor wiring change
to include a time-delay relay. This latter relay resets the
voltage cutoff at the start of the charges.

APPLICATIONS

Dats from a Ni-Cd battery cycle may be used to il-
lustrate one type of study made possible by the instru-
mentation and techniques described. In this cycle, cell
voltage was measured on all four cells of the battery and,
in addition, individual plate potential and gas evolution
measurements were made on two of the cells.

In Fig. 4, data from one cell in each pair have been re-
plotted from the recorder chart for easier reading. The
voltage rise on cell 3 during the charge was slower than
would be anticipated, but it appeared to be otherwise
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normal until it began to fluctuate at @. Although this
fluctuation was found on two of the four cells in this
cycle, it is not characteristic of a normal charge. Lacking
any other information, this erratic behavior might be
confused with a bad electrical connection or breakdown of
a measuring component. A similar fluctuation appears at
@ on cell 2, but, from the additional data taken, it is
obvious that the fluctuations in the cell voltage are due
to fluctuations in the negative plate potential @), and are
also reflected in the H concentration at @. The volume
of the gas meter per revolution was large enough to ob-
scure a similar fluctuation appearing in the gassing rate
at (®, but it was undoubtedly there.

Gas measurements ® also indicate that gas evolution
began early in the charge for cell 2. This suggests that the
cell was either not deeply discharged or that it was not
taking a charge. Calculations from the gas record @ indi-
cate that the net charge put into the positive plate of
cell 2 was, however, about cqual to the rated capacity of
the cell. This would be the maximum, since positive plate
capacity normally limits the cell capacity. In sharp con-
trast, the negative plate appears to have charged quite
efficiently with only a limited amount of H having been
evolved during the charge ®. When the charge was
stopped, over twice the rated capacity of the cell appears
to have been put into the negative plate; yet the lack of
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H evolution showed it was far from being fully charged.
Furthermore, the negative plate potential began to drop
near the end of the following discharge ® in spite of the
long charge. All this suggests that the self-discharge rate
of the Cd platc was high under these conditions of stand
and that there was a high ratio of negative plate to positive
plate capacity in this battery.

More recent work on similar cells indicates that the ap-
parent amount of charge taken by the Cd plate was not
necessarily related to the true capacity. Gas measurements
during stand show that the gassing rate of the Ni-Cd
battery dropped off rapidly during the first few hours of
stand. This lack of gas evolution does not mean that self-
discharge had stopped, however, for residual discharges
following stands indicate appreciably more capacity loss
than could be accounted for by the evolved gas. While
the cell characteristics were being observed on a 24 hr/day
basis, the cell actually began to absorb oxygen from the
atmosphere; this oxygen in turn oxidized the Cd plate.

Thus, it is sometimes possible to pick up and interpret
unexpected characteristics from the detailed measurements
on a 24 hr/day basis. A permanent record is also available
for future evaluation in the light of later developments.

Manuscript received March 22, 1956.
Any discussion of this paper will appear in a Discussion
Section to be published in the December 1957 JOURNAL.

Thermogalvanic Potentials and Currents at Aluminum
Surfaces in Industrial Water

Epcar C. Pirzer!

Hanford Atomic Products Operation, General Electric Co., Richland, Washington

ABSTRACT

Potentials and galvauic currents at 28 Al surfaces in Columbia River water were
studied between room temperature and 100°C. The Al potential changed by approxi-
mately 0.6 v over this interval, becoming more anodic with increase in temperature.
Similar but somewhat smaller changes in potential were noted in buffer solutions.

By coupling identical Al samples, one at 100° and the other at room temperature, a
maximum current density of 40 gamp/em? was maintained.

During a study of the corrosion of Al in Columbia
River water, an appraisal of possible thermogalvanic po-
tentials and currents was undertaken.

In certain other systems, thermogalvanic effects of an
appreciable order of magnitude have been observed. For
example, Carr and Bonilla (1) found that a heated Ni
electrode is anodic to its cooler counterpart. Similar re-
sults were reported by Uhlig and Noss (2) for Fe corrosion.
Berry (3) found that Cu behaved in the opposite sense: a
cold Cu electrode was anodic to a warmer one.

Only two references to the temperature cocfficient of
the Al electrode were found in the literature (4, 5). In

! Present Address: General Electric Co., Appliance
Park, Louisville, Ky.

both cases, a heated specimen of Al was anodic to a similar
cooler specimen, but, as the determinations were made in
fairly concentrated salt solutions, the results are not
necessarily applicable to industrial water.

No quantitative predictions of thermogalvanic effects
could be deduced from physical theory. The Thomson
effect, a measure of the difference in potential between
two areas of unequal temperature in a metal object, could
not be used even qualitatively for Al, because of un-
certainties in existing data (6). An analytical expression
for the difference in electrical potential congruent with a
difference in temperature between two points on a metal
surface is afforded by the Fermi-Dirac statistics (7), but
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no provision is made for possible electrolytic effects if the
surface is immersed in a liquid.

An attempt by Jahn (8) to show that the Gibbs-Helm-
holtz equation applies to single electrode potentials is of
doubtful validity, since at least two fundamental assump-
tions are involved: (a) that the temperature coefficient of
a reference electrode may be determined, and (b) that
the Nernst equation applies to the electrode under in-
vestigation. The first assumption is discussed by Lewis
and Randall (9) and by Clark (10). In a more recent
paper, Buffington (11) calculated that the temperature
coefficient of the H electrode was —0.91 mv/°C, the minus
sign indicating that the potential becomes more noble
with increasing temperature. Combining this value with
other thermodynamic data, Buffington computed a table
of temperature coefficients for the electrode potentials of
a number of metals. For Al, his estimate was —1.45mv/°C,
indicating a decrease in anodic tendency with increasing
temperature. This result differs in algebraic sign from
that reported in the previously cited papers (4, 5).

A specimen of Al immersed in a natural water is, of
course, fundamentally different from a standard Al
electrode. Not only is the water substantially free from
Al ions; it is also within a range of pH incompatible with
appreciable concentrations of Al in cationic form. Under
such conditions the Nernst equation is inapplicable, either
as originally derived or in the more sophisticated forms
proposed by Butler (12) and by Gurney (13). In fact, the
potential of an Al electrode in an aqueous solution within
the pH range 5.5-7.5 lies near the bottom of a roughly
U-shaped curve (14), and is extraordinarily sensitive to
changes in acidity or alkalinity but not appreciably re-
sponsive to changes in concentration of Al ions.

An equation for the electrode potential of a metal dis-
solving in a solution practically free from its own ions
has been derived by Glasstone, Laidler, and Eyring (15)
in a form containing kinetic constants for which the
temperature coefficients are not readily evaluated.

In view of these considerations, it is perhaps more
realistic to abandon the concept of a reversible electrode,
and to consider the metal to forin not Al ions, but
ALO;-3H,0, which, according to Draley and Ruther (16),
has been identified by x-ray diffraction methods on a
corroding Al surface.

Writing the equation in terms of the observed phase:

2A1 + 6H20 b d A&1203'3H20 + 3H2

the standard free energy change can be calculated from
the entropies of the reactants and products. From Kelley’s
monograph (17), the pertinent entropies at 25° are: Al,
6.77; AL,O;-3H,0, 33.5; H,, 31.3; H,O, 16.75.

The entropy change for the reaction is therefore 13.4
e.u., and the temperature coefficient, —13.4 cal/°C. The
tendency for Al to react with water therefore increases
with increase in temperature in the vicinity of 25°,

The course of the reaction is undoubtedly affected by
the type of oxide film initially present on the Al. Samples
were therefore tested with factory finish in order to
evaluate the type of surface on the Al actually in use.
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EXPERIMENTAL

Potentials in Columina River water?*—Six 28 Al cans
were immersed in a beaker of treated Columbia River
water through which the rate of flow was 500 cc/hr. The
cans were protected at the air-water interfaces by a coat
of Tygon paint, leaving approximately 60 cm? of Al sur-
face exposed to the water. Potentials of the cans were
measured by comparison with a Beckman calomel electrode
at room temperature at intervals during a 3-hr period in
order to establish a basis of reference and to observe any
variations in potential with time. Two of the cans were
maintained in water at room temperature as controls
during a further interval of 210 min, during which the
remaining four cans were slowly heated in the beaker of
flowing water. Potentials of the cans were measured
throughout the experiment, as shown in Table I. Values
of the electrode potentials are recalculated to the H elec-
trode scale, correcting for the temperature coefficient of
the calomel electrode. The difference in potential between
hot and cold specimens was of the order of 0.6 v.

The pH of the exit hot water was observed to have
risen from 7.4 to about 8.5 as measured at room tempera-
ture, presumably because of the decomposition of bi-
carbonate and expulsion of carbonic acid. The change in
alkalinity was considered to be a possible contributing
factor to the change in potential of the Al, hence a suit-
ably buffered substitute for the river water was sought.
Obvious requirements for a suitable solution were be-
lieved to be freedom from bicarbonates and extraneous
salts, and a low enough permanent hardness to avoid
precipitation of scale on Al during heating.

Potentials in sstmulated bicarbonate-free industrial water —
A solution containing 1 g CaS04/1 was considered to be
typical of a simulated bicarbonate-free natural water.
Duplicate cans-were heated in this solution as in the pre-
ceding experiment with two similar cans held in reserve
in cold solution. A decrease in potential of 0.5 was noted,
as recorded in Table II. During the experiment, poten-
tials of the control cans changed by about 0.12 v, hence
the net potential difference was approximately 0.4 v. The
pH of the solution was 7.2 at the end of the experiment,
indicating that a closer control of the pH does not elim-
inate the temperature coefficient of the electrode potential
of Al observed during heating.

Potentials tn 0.01M acetate buffer solution.—As a further
expedient to confine the change in pH observed during
heating within narrower limits, a series of 0.01M acetate
solutions of initial pH 5.0, 5.5, 6.0, 6.5, 7.0, and 7.5 were
substituted for the simulated industrial water. Admit-
tedly, a difference in film characteristics should be ob-
tained, but a marked change in the electrode potential of
the underlying Al would not be expected as a result of
the substitution of acetate for sulfate ion. Al cans were
heated in the buffer solutions in the same manner as in
the previous cases. Portions of the solution were removed
periodically and cooled for pH determinations. Measured
pH values were constant within 0.1 unit throughout all of

2 Composition of Columbia River water (ppm): SOy, 11;
Mg, 4.2; SiOs, 5.3; PO,, 0.021; Mn, 0.008; Cl, 0.5; Na, 2.0;
Ca, 21. Soap hardness, 69. Alkalinity: phenolphthalein,
0.5; methyl orange, 58. Specific resistance, 4,000 ohm-cm.
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TABLE 1. Potentials of 28 Al in Columbia River water
Flow rate, 500 ce/hr; convention: Std. H electrode scale (v)
(a¢) Room temperature

Time, min. .. ...o.coiieeiiiiiiiinnin.. 0 30 60 90 120 150 180
Specimen 1., ................... -0.13 —-0.13 —0.20 —0.29 —0.35 ~0.36 —0.37
2 -0.13 —-0.17 —0.19 —0.24 —0.29 —0.30 —0.33
U -0.13 —0.12 —0.21 —0.29 —0.35 —0.36 —0.36
S -0.15 —-0.14 —0.19 —0.26 —0.30 —-0.31 —0.33
Control 1....................... -0.14 —-0.14 —-0.14 —-0.21 —-0.27 —0.32 —0.36
2. —-0.15 —0:15 —0.21 —0.27 —0.35 —0.39 —0.41
(b) Increasing temperatures
Time, Min.. .......ooooiiiii . 240 ’ 270 300 345 350 380 385 390
Temp, ®C. oottt 38 55 80 90 92 96 98 98
Speeimen 1......................... —0.50 —0.52 —0.53 —0.60 —0.61 —0.67 —0.82 —0.85
2 —0.50 —0.52 —0.53 —0.61 —0.63 —0.69 —0.80 —0.85
2 —0.51 —0.52 —-0.53 —0.65 —0.69 —-0.70 —0.85 —0.88
4. e —0.48 —0.51 —0.52 —0.64 —0.70 —0.75 —-0.85 —0.93
1o . —0.19
Control o } Maintained at room temperature __8.24

TABLE II. Potential of 28 Al in CaS804 Solution (1 g/l)
Voltages recalculated to standard H, electrode

Time (min) .. .. 0 I 15 ! 30 I 45 I 60 l 75 [ 90 l 105 | 210
emp, °C.. ... .. Room temperature
PHL 6.15 | 6.13 6.10 | 6.09 l 6.09 6.12 6.15 l 6.20 | 6.21
Specimen 1.......... ... ... ... ... -0.06 —0.06 —0.06 —0.06 —0.06 —0.07 —0.09 —-0.10 —0.12
2 —-0.11 —0.11 —0.11 —0.11 —0.12 —0.12 —0.12 —-0.13 —0.14
Control 1............... ... ... ... -0.11 —-0.12 —0.08 —0.09 —0.13 —0.12 —0.12 —0.12 —0.12
Control 2......................... —0.08 —0.08 —0.06 —0.06 —0.09 —0.08 —0.19 ~0.09 —-0.10
Time,. . 135 150 165 180 195 210 225 240
Temp, . ... 14 48 51 55 59 61 62 69
PH. 6.33 6.41 6.45 6.52 6.58 6.61 6.65 6.78
Specimen 1......................... —0.18 —0.18 —0.18 —0.18 —0.19 —0.25 —0.22 —-0.21
2 —-0.20 —0.22 —0.22 —0.29 —-0.23 —-0.24 —0.26 —0.38
255 270 285 300 315 330 345 360
70 73 82 85 o1 95 97 97
6.86 6.95 7.10 7.22 7.25 7.32 7.30 7.20
Specimen 1......................... —0.42 —0.51 —0.64 —0.64 —0.66 —0.67 —0.66 —0.65
Specimen 2. .......... ... ... .. ... —0.45 —0.56 —0.66 —0.65 —0.67 —0.67 —0.67 —0.66
82?1::8} ; T """""""""" } Maintained at room temperature :ggg
TABLE II1. Potential of 28 Al in acetate buffer solutions at various temperatures
Voltages recalculated to standard H scale at 25°C
Initial pH*. ... ......... 5.0 5.5 6.0 6.5 7.0 7.5

Potential at room
temp........... -0.15{ —0.10 { —0.16 | —0.24 | —-0.26 | —0.27 | —0.17 | —0.17 | —0.06 | —0.11 | —0.10 | —0.15
Potential at 99°C.| ~0.38 | —0.35 | —0.83 | —0.79 | —0.75 | —0.78 | —0.72 | —0.74 | —0.82 | —0.65 | —0.70 | —0.72
Potential after
cooling at room

temp........... -0.26 | —0.26 | —0.25 | —0.10 | —0.26 | —0.07
Duration of exper-
iment, min...... 165 180 270 270 345 420

All pH determinations were made on portions of solution cooled to room temperature.
* Value of pH constant within 40.1 unit through experiment.
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TABLE IV. Thermogalvanic currents

Concentric cylindrical electrodes, approx. 45 cm? area.
Cold electrode at 20°,

Hot electrode temperature as noted.

Gas bubbling through cell.

None Nitrogen Oxygen
Temp, °C C(:;f:;;" Temp,°C ?:;;f;)t Temp, °C %gnrf;)t
67 44 70 30 65 30
75 56 75 50 69 36
76 72 76 60 73 40
84 136 77 80 90 50
92 250 85 120 97 250
93 320 86 140 98 350
94 420 88 154 99 490
98 600 92 160 99.5 600
99 720 99.5 180 100 640
100 860 100 220

Maximum C.D., anodi¢, amp/cm?

1.9 X 10~5 4.9 X 10°® 1.4 X 10~%

the heating intervals. The Al became more anodic in all
cases, as shown in Table III.

Galvanic currents between hot and cold specimens of Al
in Columbia River water.—Potential differences reported
in the preceding section were obtained by open-circuit
measurements. There remained a need to determine
whether a measurable current might be maintained be-
bween two similar Al surfaces at widely different tempera-
bures when immersed in water.

An electrolytic cell was assembled, consisting of an Al
can approximately 5 cm in diameter and 20 c¢m deep, and
a sheet of Al obtained by shearing open a similar can. The
upper ends of facing surfaces were painted with Tygon,
leaving exposed surface areas of approximately 45 cm?2.
The sheet of Al was bent to conform to the cylindrical
can, leaving a clearance of approximately 2 mm around
the intact can. The electrodes were mounted in a beaker
through which Columbia River water was passed at a
rate of 12 1/min. The can was provided with a rubber
stopper containing a thermometer and inlet and outlet
tubes, through which (2¢) hot water and (b) steam were
passed. Temperatures up to 100° were readily maintained
inside the heated electrode. The electrodes were con-
nected through an external resistance of 1000 ohms and a
microammeter,

(A) The galvanic current was small, of the order of only
a few microamperes, until the temperature of the can
reached about 60°C. From this point, the current in-
creased rapidly with rising temperature to 860 uamp.
Agitation with N served to lower the current by an ap-
preciable amount, whereas the effect of a stream of oxygen
was less marked (Table IV).

(B) The temperature of the can was held at 100° by a
current of steam for 75 hr. The current was fairly constant
at 1.8 ma throughout the experiment, corresponding to an
average anodic current density of approximately 4 X 10~%
amp/cm?.
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Fig. 1. Thermogalvanic potentials and currents o
99.49%, 28 Al in Columbia River water.

Discussion
Potentials in Columbia River Water

A comparison of potentials obtained at 100° with those
of the control samples at room temperature is sufficient
evidence that the differences in potential cannot be ex-
plained on the basis of time-dependency. The abrupt
changes in potential indicate a mechanism unrelated to a
simple temperature coefficient. It is more probable that
the effects are related to film impairment.

The exact role played by the oxide film in depressing
the electrode potential of Al has been the subject of much
speculation and many ingenious explanations (18). Any
operation that removes a portion of this film enhances the
apparent ‘‘solution potential” of the metal (19). The
results of Brown and Mears (20) show that the potential
of Al becomes more anodic as the film is progressively
scratched. A potential difference of 0.32 v was noted be-
tween the potentials of an unscratched coupon and one
scratched by a standard procedure.

If the integrity of the hydrated oxide film is indeed the
chief factor governing the magnitude of the observed
electrode potential, the marked change above 90° might
be attributed to an accelerated deterioration of this film.
According to data of Draley and Ruther (16), the corrosion
product undergoes a transition from S-AlLO;-3H,0 to
a-Al:0;-HsO in approximately this temperature region.
Accompanying the phase transition, there is undoubtedly
widespread impairment of the protective film on the Al
surface, so that unprotected metal is exposed as ef-
fectively as if it were scratched mechanically, as for
instance by the technique of Brown and Mears.

Galvanic Currents

It was not feasible to make simultaneous measurements
of open-circuit potentials and galvanic currents with the
same specimens. By plotting the data of Tables I and 1V
on the same graph (Fig. 1), however, a significant correla-
tion is evident. In the temperature range 40°-70°, the
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open-circuit potential was fairly constant at —0.50 *x
0.02 v. Within the same range the galvanic cell measure-
ments were very low, of the order of 1 pamp/cm? The
gradual slope of the open-circuit potential curve over the
temperature range 70°-90° is reflected in the galvanic
current curve. From 90° to 100° the potential became more
anodic by about 0.2 v, and the galvanic current increased
from 220 to 860 pamp, corresponding to an increase from
5 to nearly 20 pamp/cm? For the duration of the experi-
ment, at least, the slope of the galvanic current curve
kept pace with that of the potential curve,

The 75 hr experiment demonstrated that the current
was not stifled by polarization or film formation. The
constant current of 1.8 ma corresponded to a current
density of approximately 40 pamp/cm? of anode surface.

If this galvanic current is associated with a corrosion
process, the rate of attack of the anodic surface under
these conditions is readily calculated. One pamp is equiva-
lent to 3.35 X 1077 g Al attacked/hr. In the steam-heated
cell, therefore, the rate of attack equivalent to the ob-
served current was, for the duration of the experiment,
1.35 X 107% g/em?hr. From these data, it may be con-
cluded that the observed galvanic current represented a
serious corrosion hazard unless curbed by an inhibitor.
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Metallographic Study of Electroplated Coatings of

Chromium and Nickel on Molybdenum

RocER J. Runck

Battelle Memorial Institute, Columbus, Ohio

ABSTRACT

Single-layer and multiple-layer coatings of electroplated Ni and Cr on Mo were
studied metallographically to determine why these coatings failed when heated in air.
In single-layer coatings, Cr was less subject to bonding failure than Ni and afforded
better protection against oxidation. Cracking of Cr coatings was probably a major
cause of failure, but good protection by Cr was possible if a layer of Cr-Mo alloy was
developed at the interface. Multiple-layer coatings of Cr and Ni in which Cr formed
the initial layer may be superior to single-layer coatings, but formation of blisters
between the layers of Cr and Ni was a major cause of failure of this type of coating.

Because of its outstanding mechanical properties, Mo is
attractive for use in construction of parts that must func-
tion at high temperatures; however, a serious drawback
to its use is its very high oxidation rate above 700°C.

Many coatings have been developed which show good

promise of preventing this oxidation. Prominent among
clements used for this purpose are Si, Cr, Ni, B, Al, and
combinations of these elements. Some of the most pro-
tective of these coatings are brittle, and they are damaged
if the coated part is deformed. Furthermore, many po-
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tentially effective coatings can be applied only by heating
the Mo to very high temperatures, e.g., by painting and
sintering, flame spraying and sintering, vapor plating,
metallizing, etc. Many of these coatings can be applied
effectively only above the recrystallization temperature of
cold-worked Mo (900°-1100°C) or potentially useful Mo
alloys (1100°-1300°C). Since the mechanical properties of
recrystallized Mo are inferior to those of the cold-worked
metal, it should be coated and used below the recrystal-
lization temperature (1, 2).

Electroplating is of interest because it is a method of
applying protective coatings at low temperatures. Metals
such as Cr and Ni are of intercst because they are oxida-
tion-resistant metals that can be electrodeposited readily.
Cr is of particular interest because it is soluble in Mo and
does not form brittle intermetallic compounds, and be-
cause it has low thermal expansion, similar to that of Mo
(Table I). Ni is of intercst because it has relatively good
resistance to oxidation by atmospheres containing MoOs
(3), and because it has very high ductility. Ni forms
brittle intermetallic compounds with Mo, however. Ni
also has relatively high thermal expansion.

Electroplated coatings of Cr and Ni on Mo were very
effective in protecting Mo from oxidation; however, they
did not produce consistent results. A solution to the
problem of protecting Mo, therefore, appcars to depend
more on finding the causes of failure of the more promising
coatings than on finding new or different types of coatings
that may be used.

The protective value of any coating on Mo is limited to
that of its poorest area. This is uncommonly true for Mo
because a body of Mo can be oxidized and completely
distilled at an amazingly rapid rate through even the
minutest flaw in the protective coating.

It was because of this characteristic that a metallo-
graphic study of protective coatings on Mo was made.
The primary purpose of this study was to determine some
of the probable causes of failure. For this reason, many of
the areas examined were those containing defects or those
suspected of containing defects.

PROCEDURES

Plating.—Standard plating procedures for Cr and Ni
were generally effective when Mo was properly cleaned.
Plating procedures similar to those used at Battellc were
described by Korbelak (4).

Most of the samples included in this study were pre-
pared for plating by etching in HF, but some were pre-
pared by etching in alkaline ferrocyanide. This latter
method now is generally preferred to the acid etch, but
both methods appear to be effective.

Cr plating was done in a chromic acid bath, and both
hard Cr and low contraction Cr plates were deposited
and examined. Except where noted, all Cr plates were low
contraction Cr.

Ni plating was from a Watts-type bath, but it was
necessary to employ a Ni strike prior to plating in order
to obtain a good bond. A high-chloride Ni strike bath
was used.

Testing—Most of the specimens plated and tested
consisted of 5- to 6-in. lengths of 80-mil rod. Some

ELECTROPLATED COATINGS OF Cr & Ni ON Mo 75

TABLE 1. Coefficients of linear thermal expanston near 20°C

Metal Micro-Inches/°C.
Mo 4.9
Cr 6.2
Ni 13.3

Fre. 1. Longitudinal section of 80-mil Mo rod electro-
plated with low-contraction Cr after 1077 hr at 900°C. En-
larged views of sections indicated are shown in Fig. 2.
10X before reduction for publication.

flat specimens about 3 in. wide and about 4 in. thick
also were tested.

The coated specimens were tested in air by clamping
them between water-cooled electrodes and applying
sufficient electrical current to bring the temperature of
the central portion up to the desired level. Most of the
specimens were tested at 900°C, which was estimated to
be about the maximum temperature to which cold-worked
Mo could be heated without danger of recrystallization.

Temperatures were read with an optical pyrometer and
were corrected for emissivity on the basis of an assumed
value of 0.4.

Many of the specimens were removed before the pro-
tective coatings failed, but some of them were tested to
destruction. Specimens that failed interrupted the current
to an electrical timer so that testing time was automatically
recorded in all cases.

Specimens tested in the above manner contained areas
at all temperatures from room temperature to the max-
imum testing temperature. Because of this, it was possible
to examine the structural changes at all intermediate
temperatures for the period of time of any given test.

Metallography.—The metallographic procedures used
were selected primarily for the purpose of revealing the
crystalline structure of Mo. Specimens were first polished
with a slurry of AlyO; and chromic acid with heavy pres-
sure on a fast wheel. A final short polish with light pres-
sure was given with Al,O; but without the chromic acid.
Polished specimens were etched with Murakami’s re-
agent. This procedure did not reveal the crystalline
structure of the electroplated metal, but it did show the
condition of this metal and revealed different phases in
the coating.

METALLOGRAPHIC STRUCTURES

Fig. 1 shows a photomicrograph of a section of 80-nil
rod plated with about 3 mils of low-contraction Cr. This
specimen was held at 900°C for 1077 hr. The left end of
the section was at room temperature, the right end at
900°C. As may be observed, recrystallization of Mo oe-
curred in the high-temperature zone of the specimen.
Enlarged views of five sections of this specimen from left
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Fia. 2. Low-contraction Cr on Mo: section A, outside of heated zone; section B, inside heated zone; section C, inside heated
zone; section D, inside heated zone; section E, after 1088 hr in air at 900°C. 250X before reduction for publication.

TABLE I1. Effect of different types of plate and of heat
treatment in H on the lives of spectmens of Mo electro-
plated with 3 mils of Cr

Type of Cr plate Liégoiglcai]{rat
Low contraction. . ...... ... ... ... ....... 300
Low contraction, heat treated............... 200
Hared....... ... .. 240
Hard, heat treated............ ... .. ... . ... 50

to right, as indicated by the markers of Fig. 1, are shown
in Fig. 2.

Fig. 2A, which is a section outside of the heated zone
that is under the water-cooled electrode, shows the Cr
plate to be nonporous, well-bonded plating. Section B
shows this plating in a zone heated only to moderate
temperature, well below red heat. Severe cracking is ap-
parent. Cracking is also apparent in section C. In this
zone, there is evidence of some alloying of the Cr plate
and the Mo base. Under the microscope, the dark areas
of section C appeared to be voids. It also may be noted
that very slight recrystallization of Mo is apparent in this
area. The layer of Cr-Mo alloy also is evident in section
D, and it is of interest to note that it apparently is little
greater in thickness than it was in the lower temperature
zone shown in section C. Some chromium oxide on the
outer surface of the plating is barely apparent in this
section. The structure of this material, however, does not
indicate that it afforded much protection to the under-
lying metal. Evident also is an additional phase under
the chromium oxide layer which apparently is CrN.
The formation of a nitride layer under the oxide layer on
Cr plate heated in air was described by Snavely and
Faust (5).

Section E shows the structure of the Cr plate at the
zone of maximum temperature, i.e., 900°C. Of particular
interest in this section is the indication that only the
Cr-Mo layer would appear to afford protection to the
body of Mo. This layer, which apparently is less than 1
mil in thickness, is only slightly thicker than it was in
zones of lower temperature. The indication that the
thickness of the Cr-Mo layer is not highly time and
temperature dependent under the conditions employed in
this work was further supported by the structure of Cr-
plated Mo after being heated to 1500°C in air. The
Cr-Mo alloy layer on one specimen heated for 45 hr at
1500°C was about the same thickness as that on another
specimen heated only 12 hr at 1500°C, and both were

Fia. 3. Hard Cr on Mo: section A, outside heated zone;
section B, after 1077 hr in air at 900°C. 250X before reduc-
tion for publication.

approximately the same as that of the specimen heated
over 1000 hr at 900°C.

Because of the apparently protective nature of the layer
of Cr-Mo alloy, it would appear desirable to preheat
plated Mo in a nonoxidizing atmosphere, such as H, to
develop the alloy layer before the specimen is heated in
air. Such a procedure did not appear to improve the ef-
fectiveness of Cr plate, however, as is indicated by the
results in Table II. Specimens tested were strips of Cr-
plated Mo sheet % in. wide by & in. thick. Both low con-
traction and hard Cr were tested and one specimen of
each type of plating was heated in H at 900°C for 72 hr
prior to testing.

While flat specimens of Mo plated with Cr did not last
more than a few hundred hours in air at 900°C, specimens
of 80-mil rod plated with either low contraction or hard
Cr were still good after 1000 hr under these conditions.
The appearance of the low-contraction Cr after heating in
air is shown in Fig. 1 and 2. The appearance of a similar
sample plated with hard Cr is shown in Section A of Fig. 3.
The porous nature of this type of plated metal is evident.
The appearance of this plate after 1077 hr at 900°C is
shown in Section B of Fig. 3. The Cr-Mo alloy layer,
which was characteristic of the low-contraction Cr after
heating, is not apparent in this figure. While this plating
afforded better protection than was expected, it appears
from Fig. 3 that its probable life at this temperature would
be less than that of low-contraction Cr after similar treat-
ment as was shown in Fig. 2.

Fig. 4 shows a specimen of 80-mil rod plated with about
3 mils of Ni. This specimen failed after 574 hr at 900°C.
No general recrystallization of Mo is apparent in the zone
of highest temperature except for a central zone which
probably became very hot shortly before complete failure
occurred.
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Fia. 4. Ni on Mo: section A, outside heated zone; section B, inside heated zone; section C, inside heated zone; Section D,
after 574 hr in air at 900°C. 250X before reduction for publication.

Fie. 5. Longitudinal section of 80-mil Mo rod electro-
plated with Ni that blistered when heated in air to 900°C.
10X before reduction for publication.

Fig. 4A shows the Ni plate to be nonporous and to be
apparently well bonded. Some porosity of the metal is
apparent in a heated zone, however, as is shown in section
B. Alayer of NiO also is apparent in this section. Although
NiO is very refractory (mp 1950°C), this oxide layer may
not afford much protection to the underlying metal when
it is thermally cycled because of the formation of
cracks.

In section C, a zone very near that of section B, some
alloying of Ni and Mo is apparent. This alloy formed only
in islands, however, rather than in a continuous layer as
did alloy between Cr and Mo. The formation of islands
rather than a continuous layer of Mo-Ni alloy probably
indicates imperfect bonding between the Mo and the
electrodeposited Ni.

Section D shows a zone approximately at the maximum
temperature, i.e., about 900°C. Islands of Ni-Mo alloy
are connected in this zone, and this layer may well have
afforded protection against oxidation in this zone.

While the Ni plating did not last as long at 900°C as a
similar thickness of Cr, Ni might be serviceable as a pro-
tective coating. As was stated earlier, however, it was
more difficult to obtain good adhesion of Ni than of Cr,
and this characteristic of Ni probably contributed to
blistering in Ni coatings.

Fig. 5 shows Ni plating on a specimen of 80-mil Mo rod,
which blistered severely when heated to 900°C. A section
of this plate in an unheated zone, as shown in Fig. 5,
shows that it was not bonded to the base metal.

F1a. 6. Cr and Ni on laminated Mo sheet. 100X before
reduction for publication.

Because electroplated Cr cracked while Ni did not, it
was thought desirable to cover the Cr plate with a layer
of Ni. Two different types of multilayer coatings were
examined, one a double-layer coating consisting of Cr and
Ni, and the other a triple-layer coating consisting of
Cr, Ni, and Cr. Double-layer coatings were attempted
both with Cr as the initial layer and with Ni as the initial
layer. Both types of coatings were successfully applied to
80-mil rods, but on flat specimens, attempts to plate Cr
over Ni invariably caused the underlying Ni coating to
peel from the Mo.

Of these varioustypes of multilayer coatings, the double-
layer coating in which Cr was the initial layer appeared
to be the most promising.

Two outstanding features of this type of coating were:
(4) If the layer of Cr was not too thick, the covering of
Ni appeared to prevent the formation of cracks in the Cr
layer. (B) The throwing power of Ni was better than
that of Cr, and it usually covered faults or laminations in
the Mo that extended through the Cr plate.

These properties of double-layer coatings of Cr and Ni
are illustrated in Fig. 6 and 7 which are sections inside
the heated zone of a flat test specimen.

However, blisters frequently formed inside the heated
zone and often were centers of failure. feparation of metal
to form a blister apparently occurred between the Ni and
Cr layer, as is shown in Fig. 8. Laminations in the Mo,
however, also may permit the formation of blisters, as is
indicated in Fig. 9.

The tendency of Ni to buckle probably results because
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Fic. 7. Cr and Ni on laminated Mo sheet. 250X before
reduction for publication.

F1g. 8. Cr and Ni on Mo sheet in a zone that blistered
when heated. 100X before reduction for publication.

Fre. 9. Cr and Ni on Mo sheet in a zone that blistered
when heated. 100X before reduction for publication.

of its high thermal expansion. This explanation is sup-
ported by the separation of coating on the edges of flat
specimens, as 1s shown in Fig. 10. In this figure, as in Fig.
8, it appears that separation occurred between the Ni
and Cr layers.

An objection to the triple-layer plate consisting of
Cr-Ni-Cr is the tendency of the outer layer of Cr to
crack. In some cases, this crack extended through the
underlying layers of Ni and Cr. Fig. 11 shows such a
crack in a coating as plated. Fig. 12 shows the same type
of coating with cracks only in the outer layer of Cr. This
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F1a. 10. Cr and Ni on edge of Mo sheet after 185 hr in
air at 900°C. 100X before reduction for publication.

Fig. 11. Cr-Ni-Cr on Mo sheet. 250X before reduction
for publication,

Fic. 12. Cr-Ni-Cr on Mo sheet after 3 hr in H at 1100°C.
250X before reduction for publication.

latter specimen was heated in H for the purpose of dif-
fusing Cr into the Mo.

All of the multilayer coatings were effective in protect-
ing Mo. Fig. 13 shows the structure of a double-layer
coating of Ni over Cr on an 80-mil rod of Mo after 1000
hr at 900°C. It may be noted that the outer layer of NiO
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Fra. 13. Cr and Ni on 80-mil Mo rod after 1000 hr in air
at 900°C. 250X before reduction for publication.

Frg. 14. Cr-Ni-Cr on Mo sheet after 185 hr in air at
900°C. 250X before reduction for publication.

is not cracked to the same extent as it was on samples of
Mo coated with Ni only. Diffusion of Cr through the layer
of Ni might have occurred to a sufficient extent to cause
modification of the oxide layer on this specimen.

Fig. 14 shows a triple-layer coating of Cr-Ni-Cr on a
flat specimen of Mo after 185 hr at 900°C. The outer
layer of Cr does not appear to have afforded much pro-
tection to the underlying metal.

CONCLUSIONS

Electroplated coatings of either Cr or Ni afford con-
siderable protection to Mo at high temperatures, but
both types of coatings have shortcomings and, if used
singly, are not likely to produce consistent results.

From this study, it appeared that the principal prob-
lems with electroplated Cr were its tendency to crack and
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its relatively poor throwing power during plating. Cr
forms a good bond with Mo, however, and the interfacial
alloy between these two metals appears to have good
oxidation resistance and probably has good ductility.
Electroplated Cr may be superior to Ni for protecting
Mo. Of different types of Cr plate, low-contraction Cr
probably is superior to hard Cr. Electroplated Ni, in
contrast, apparently did not form cracks and it effectively
bridged flaws in the base metal, but the problem of ob-
taining good adhesion of Ni appeared to be more formid-
able than that for Cr.

Undesirable features of electroplated Cr, that is crack-
ing and poor coverage, may be overcome to some extent
by covering it with a layer of Ni. The Ni layer appears
to be capable of covering many of the faults that extend
through the Cr plate and also preventing the Cr from
cracking when heated. Ni has high thermal expansion,
however, and, therefore, must be well bonded or it may
buckle and form blisters when heated.

Electroplated Cr over Ni is not desirable because of the
formation of cracks that not only may cause rapid de-
terioration of the Cr but also may extend through the
Ni layer.
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Electrodeposition of Uranium at the Microgram Level
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ABSTRACT

The recovery of microgram and submicrogram quantities of U by electroplating has
been studied, using radioactive U-233 as a tracer with and without the presence of
microgram quantities of natural U as carrier. Optimum results were obtained in an
ammonium oxalate medium with electrolysis at 80°-85°C being performed first in acidic
solution and then in alkaline solution. A small Pt disk which fitted into a flow counter
was used as cathode, and a Pt spiral served as anode. With 20 ug of U carrier present
and a volume of 25 ml, an average recovery, based on alpha counting, of 94 =+ 3% was
obtained for amounts of U-233 ranging from 0.03 to 0.13 pg.

Several methods have been described for the analytical
electrodeposition of milligram quantities of U (1-6). In
acetate medium, up to 4 mg U were deposited (2); results
were not accurate due to variation in composition of the
plates. Use of an oxalate medium at 80°-85°C gave satis-
factory results with about 3 mg U (2). Up to 0.5 mg U
was plated quantitatively from fluoride medium at room
temperature (3-5). Micro quantities of U were deposited
from oxalate medium containing potassium hydrogen
phthalate buffer by electrolyzing at 80°-85°C in two stages:
first on the acid side, then on the alkaline side (6). In all
these cases a Pt disk was used as cathode, and the plated
films were ignited to U;Os.

The use of an Al-Zn disk as cathode in oxalate medium
at pH 8.0-8.5 and 80°-85°C has been reported (7). Two
German patents (8) describe the deposition of metallic
U onto Pt and other surfaces from an organic solvent like
acetone which exerts no oxidizing action.

Recovery of microgram quantities of U from human
urine by electroplating for the determination of alpha
activity has been examined (9). One microgram of en-
riched U;0s (130 « counts/min/ug) was added to 100-ml
urine samples. After evaporation to dryness and ignition
to destroy organic matter, the residues were dissolved; Ca
was removed by double precipitation as the oxalate; and
U was then electroplated at 80°C onto a Ni disk from the
resulting ammonium oxalate medium of pH 9.6, using a
current of 3 amp for 60 min. The recovery of U from 18
samples was 85 + 49, with a precision of +169% on a
single sample.

Previous studies on the electrodeposition of U such as
those cited above have generally been applicable only to
the recovery of milligram amounts of U. Attempts to
plate microgram quantities of U, usually present in rather
small volumes of solution, resulted in U recoveries which
were both low and variable. Apparently no reliable results
have been reported for electrodeposition of submicrogram
amounts of U. Consequently, the present study was
initiated in an attempt to define conditions for more
nearly quantitative recovery by electrodeposition of
microgram amounts of U. In addition, an attempt was
made to investigate the feasibility of electrodeposition of
submicrogram amounts of U and to define the repro-
ducibility of the procedure for microgram levels of U.

80

Initially, qualitative observations were made on the
plates obtained from solutions containing 107° g U; such
studies were deemed more significant than quantitative
orientative work using much larger quantities and titri-
metric or colorimetric measurement, since it was not felt
that any proof of quantitative deposition at higher con-
centration, e.g., milligram amounts of U, would neces-
sarily permit valid prediction of the behavior at very low
concentrations. Moreover, the nature and appearance of
the plate for milligram amounts of U could not be judged
with any degree of reliability with respect to its suit-
ability for radiochemical counting.

Quantitative studies were then made at microgram
levels of U using a tracer technique and counting. The
procedure finally developed may be applied for the re-
covery of 1077 or 1078 g of radioactive U, using 107° g of
carrier natural U. At the milligram level, self-absorption
phenomena become an important factor in counting. The
present method uses for electrodeposition an ammonium
oxalate medium, which has been found to be superior to
citrate, tartrate, and phthalate media, inasmuch as the
latter media introduce some difficulty in pH control during
electrolysis.

The present procedure of recovering U by electro-
deposition, and of measuring it by counting the activity
of the plate, has been applied as the final separation stage
and the measuring step in an analytical procedure for the
determination of submicrogram quantities of U when
present in admixture with large amounts of fission prod-
ucts (10).

EXPERIMENTAL

Apparatus—The electroplating assembly consisted of
a d-¢ power supply (Fisher Scientific Co. Powerhouse);
a Tracer-Lab E-16 electrolysis cell containing a spiral Pt
wire anode [a 10-in. (25 cm) length of 1-mm diameter
wire, about 3 in. (7.5 cm) of which were wound into a
flat spiral of 0.5-in. (1.25 em) OD], a Pt disk cathode,
and a motor-activated 500 rpm glass stirrer; and a simple
external water bath for controlling the temperature of the
electrolysis cell.

The cathode was a Pt disk or planchet, 0.15 mm thick
by 25 mm diameter, obtained from the American Platinum
Works. New Pt disks were pretreated by a hot HNO;
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wagh, a water wash, then flaming; they were stored in a
cell under water until used. For some of the runs, used Pt
disks containing a U;Og film were cleaned by repeated hot
concentrated HNO; treatment and flaming. When their
activity was cloge to the background level, the disks were
considered good enough for use in another plating process.
These disks were counted as blanks before plating and
were stored under water until used.

A Model 952 windowless flow counter (27 cathode)
and a Model 1070 scaler (both made by the Atomic
Instrument Company, Cambridge, Mass.) were used to
count the alpha emission of the plated disks. The counting
gas employed wasQ-gas (99.05% He and 0.959%, isobutane),
which was dried with indicating Drierite (8-mesh), fol-
lowed by Dehydrite.

Materials.—All chemicals used were of reagent grade.

The radioactive U-233 was obtained as a nitrate solu-
tion from the Oak Ridge National Laboratory; isotopic
analysis gave 1.0-1.5% U-232 and 98.5-999, U-233
(o 4.82 mev; & = 1.68 X 10° y). The original solution
(13 ug U-233) was diluted t0 100 ml which was about 0.01N
in HNO;; aliquots of the latter solution containing
1.3 X 1078 g U/ml were taken for the experimental work.
The activity per microgram of U-233 was determined, as
subsequently deseribed, to be 7700 =+ 88 counts/min
(background subtracted).

The carrier U was prepared from natural uranium
nitrate (Baker and Adamson). The stock solution con-
tained about 1 mg U/ml (0.01N in HNQO;), from which,
after proper dilution, the solution used to furnish carrier,
which contained about 10 pg U/ml (0.015 in HNO,), was
prepared.

QUALITATIVE STUDIES ON THE KLECTRODEPOSITION OF
UrANTUM

Three procedures were investigated to see what hap-
pened on electroplating about 1072 g of U. In procedure
A, based on that of Manning, Cali, and Phillips (6), the
electrolysis cell solution was prepared by diluting 1 ml
uranium nitrate solution (107° g U) to 25 ml and adding
5 ml saturated ammonium oxalate solution, 10 ml buffer
solution (5.85 ml 0.217M potassium hydrogen phthalate
and 4.20 ml 0.298M NaOH), and 2 drops methyl red
indicator; the pH was 6.48. Electrolysis was carried out
for 45 min at 80°-85°C, using an applied potential of 9 v
with a resulting current flow of about 0.2 amp; the stirrer
speed was about 500 rpm. Then, 1 drop (0.01%) phenol-
phthalein was added, followed by sufficient 6M NH; to
turn the solution pink; the plating was continued for 10
min more with additional indicator and NH; being added
as needed to keep the solution pink; temperature, current,
etc., were the same as before.

In procedure B, 1 ml uranium nitrate solution (10710 g
U), 17.35 ml 0.1003M citric acid solution, 1 ml of 6M
NH; solution, and 4 drops phenol red indicator (yellow at
pH 6.50) solution were diluted to 25 ml. Electrolysis was
performed as before at pH 6.50 for 45 min. NH; was
added until the solution was red; more NH; and indicator
were added, as necessary, to keep the solution red as the
deposition was continued for 10 min more.

Procedure C was the same as procedure B, except that
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21.0 ml 0.0927M tartaric acid solution was substituted for
the citric acid and 0.75 ml 6M NH; was added.

At the end of electrolysis the current was left on as the
spent electrolyte was siphoned off, and the cell and its
contents were washed repeatedly with distilled water
until the solution remaining in the cell was colorless. The
circuit was then disconnected and the cell disassembled.
The Pt cathode was rinsed with water followed by acetone,
air dried, then ignited for about 10 min to U;O0s.

The plates obtained by the three procedures were
smooth, shiny, and adherent, showing bright interference
colors. Procedures B and C seemed to be much simpler
than A, at the same time giving deposits of better appear-
ance. An additional advantage in the use of citrate or
tartratée medium was that gas evolution at the electrode
was much less than that in oxalate. Unfortunately, later
quantitative studies showed that the use of citrate,
tartrate, and phthalate introduced certain difficulties in
the procedure; the latter were apparently due to reactions
of these organic compounds which gave rise to very dark
brown solutions. Consequently, an oxalate medium was
used generally similar to that of procedure A except for
the omission of phthalate.

Use of Al-Zn disks—Attempts to use as cathode an Al
disk coated with Zn were unsuccessful. In no case was the
coating of Zn on Al smooth; as a result, electrodeposition
was not at all satisfactory. An added disadvantage in
actual use would be chemical contamination of the U
sample when its recovery was desired. While Al-Zn disks
are less expensive than Pt disks, the latter do permit re-
covery of uncontaminated U. The same considerations
would be against the use of Ni or other disks.

Electrodeposition from organic solvents.—In an attempt
to explore possibilities of plating U from organic solvents,
the electrical resistances of various organic mixtures were
examined in the electrodeposition apparatus described;
results are summarized in Table I. Attention was focused
on such compositions as could be achieved readily subse-
quent to a cupferron extraction of U(IV) which would be

TABLE 1. Qualitative studies of the conductivity of solution
containing acetone, ethanol, and ethyl ether

Run . . ‘Voltage | Current
No Solution composition applied, flow,
v ma
1 | 20 ml acetone (containing 0.8 g 9 0.0
LiCl) + 10 ml ether
2 | 20 m} acetone (0.8 g LiCl) 4+ 2 m} 9 0.6
ether
3 | 25 ml ether (1.0 g LiCl) 4+ 5 ml al- 9 0.0
cohol
4 | 5 ml ether (0.2 g LiCl) 4+ 20 m! al- 9 1.5-2.0
cohol
5 | 10 ml ether 4+ 10 ml alcohol (0.25 6 3.0
g LiCl) 4 0.2 ml water
6 | 10 ml ether 4+ 10 ml alcoho! (0.25 g 6 3.1
LiCl) + 0.5 ml water
7 | 10 ml ether + 10 ml alcohol (0.2 g 6 3.3-3.5
LiCl) 4+ 1.0 ml water
8 | 12 ml ether + 8 ml alcohol (0.2 g 6 2.2
LiCl) + 0.5 m] water
9 { 15 ml ether + 5 ml alcohol (0.12 g 9 0.5
LiCl) 4+ 0.5 ml water
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an efficient way of separating U from many other elements.
The alcohol used in Nos. 3-9 was 959, ethanol. Although
media of moderately good conductance were found, no
electrodeposition of U from solutions of uranium(IV/III)
cupferrate in such media was realized.

QUANTITATIVE STUDIES ON. ELECTRODEPOSITION OF
UraNtUM AT MICROGRAM LEVEL

Plating procedure.—The desired volume of U-233 solu-
tion was added to the electrolysis cell, followed by about
20 pg natural U carrier (uranyl nitrate solution), 5 ml
saturated ammonium oxalate solution, 1 drop 6M HCI, 1
drop methyl red indicator, and 6M NH; until the solution
was yellow. HNO; (6M) was then added until the indicator
turned pink plus 2 or 3 drops in excess. The volume was
about 20 ml. The cell was placed in a water bath, main-
tained at 80°-85°C, and the anode rotated at about 500
rpm. The solution was electrolyzed for approximately
30-45 min, using an applied potential of about 9 v with a
resulting current flow of approximately 0.8-1.0 amp;
from time to time HNO; and indicator were added drop-
wise to keep the solution pink. Then, 1 drop of phenol-
phthalain (0.01%) (more, as needed) and 6M NH; (more,
as needed) were added dropwise to turn the solution pink,
and the plating continued for 60-75 min more; tempera-
ture, current, etc., were almost the same as before.

The washing procedure at the end of electrolysis was
the same as that previously described; the Pt disk was
rinsed with water, followed by acetone, and air dried. It
was then ignited for 10 min to U;Os, cooled to room
temperature, and counted in a windowless flow counter.

Procedure for alpha counting.—With the counter set in
“count” position, an initial flushing was done for 5 min
with the pressure regulator gauge reading about 2 1b/in.2

TABLE II. Electrodeposition of U-233 with 20 pg of natural

U Carrier
Sampl Counts/min_and standard ‘Recoverﬂ’f%
mple T -
| Uakanp | Com/minnd standecd (orrcted fo
H activity)
1 1.3 X 10°# 98 £+ 9.9 82
2 1.3 X 108 97 £ 9.9 81
3 2.6 X 108 200 %= 14.1 91
4 2.6 X 1078 195 + 14.0 89
5 6.5 X 108 505 + 22.5 97
6 6.5 X 1078 490 % 22,1 94
7 13 X 103 1004 = 32.0 97
8 | 13 X 108 1010 £ 32.0 98

Mean recovery (samples 3-8): 94.3%,.
Standard deviation of the mean recovery: 3.0%.

TABLE III. Effect of carrier on the recovery of U-233 by

electroplating

U-233 taken Natur_al U U-233 activity R‘;';(Ez;:—yy

| ct:rklggr fottm/d, X recteq for

P 4 counts/min carrier

My, | et | us activity)

__—‘__ |

3% 10 | 324 + 17 10 284 + 17 85.4
13 X 1078 | 1200 + 35 0 840 + 29 70.0
13 X 107% | 1200 + 35 10 1140 + 34 94.6
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and the gas flow being about 100 bubbles/min. Then the
instrument was set in “load” position and the sample
was introduced into the sample compartment. The counter
was rotated to “flush” position, kept there for about 2
min, then moved to the “count” position. (The gas flow
rate was then about 60 bubbles/min.)

The voltage plateau for alphas using pure U-233 was
checked periodically. The operating voltage was 1550-
1575 v, and discriminator setting was fixed at around
16-18. Betas are not counted under these conditions, as
was noted by using a pure beta-emitting sample of Sr-90.
Each U plate was counted over a sufficient period of time
to give the desired statistical accuracy (41-29% relative
probable error). For calibration, a standard sample of
U305 (National Bureau of Standards No. 836-5; 16.3
alpha counts/sec, assuming 509, geometry) was counted,
then the unknown sample was counted. This was repeated
five or six times and the average values were taken. Read-
ings were fairly reproducible within statistical error. The
background level of the instrument was 60-70 counts/min.

The calibrated activity of the plated sample was com-
pared to the activity of the U-233 solution taken. The
latter was determined by pipetting a 1-ml aliquot of the
U-233 solution (1.3 X 107® g/ml) into a small 10-ml
beaker by means of an ultramicro pipet, transferring the
solution in portions by a medicine dropper with HNO,
rinses onto a Pt planchet, evaporating under an infrared
heater, igniting to U;Os, and counting the planchet. Five
or six such samples were measured; the average activity
was 7700 =+ 88 counts/min/ug U-233.

Electrodeposition of U.—Results for the direct electro-
plating of U-233 in the presence of carrier are presented in
Table II. The plates obtained were very smooth, shiny,
and adherent, showing brilliant interference colors. If the
first two runs are omitted because of their large error due
largely to the low count, an average recovery of 949, +
39, was obtained, after making correction for the activity
of the 20 ug natural U used as carrier (15 = 3 counts/min).
Samples having 100-200 counts/minute (Nos. 1-4) were
counted to give totals of 10002000 counts (relative prob-
able error of +29), and those having 500 counts/min and
higher activity were counted so as to give a total of 5000
counts (relative probable error of +19%,). Since only the
percentage recovery of U-233 was required, disks contain-
ing evaporated and ignited aliquots of U-233 solution were
used as a comparison for the plates obtained from electro-
deposition.

Influence of carrier on electrodeposition of U-233.—Re-

TABLE 1V. Effect of carrier concentration on recovery by
electroplating of 0.065 ug of U-233

Natural U carrier taken, U-233 recovery,
4 %o
50 96
20 101
10 102
5 95
2 70
1 84
0 77
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coveries of 0.01-0.1 ug U-233 with no carrier present
averaged about 70% (63% for 0.013 ug, 77% for 0.065
pg, and 709, for 0.13 ug). A series of runs using various
amounts of carrier indicated that the presence of about
1020 pg natural U as carrier was requisite for a satis-
factory recovery of submicrogram quantities of U-233
(Tables III and IV). The figures in the last columns of
Tables II, ITI, and IV have been corrected for carrier
activity by subtracting 0.75 counts/min/ug of carrier
from the observed counts/min (11).

In Table IV, the lower (apparent) recovery with 50 ug
of carrier than the recovery with 10 or 20 ug, is indicative
of the fact that self-absorption becomes a factor at this
level.

Miscellaneous observations.—Recoveries using minimal
electrolysis times of 30 min in acidic solution plus 60 min
in alkaline solutions at 9 v applied were sometimes low. A
safer specification is to maintain a current of 1.0 amp for
60 min on the acidic side and 90 min on the basic side.

The form in which U electrodeposits at a cathode is not
definitely known, but it is thought to plate as a hydrous
oxide (12, 13). In any event, the plate after ignition in
air has been shown to be U;0s.

Attention should be called to the fact that current and
time requirements for microgram level electrodeposition
bear no relation to theoretically predicted requirements
based on reasonable current efficiencies. Some of the
quantitative studies at the milligram level have specified
10-15 min electrolyses at reasonable voltages and amper-
ages; however, conditions such as 1 or more amp at 9 v
for 1-2 hr are requisite at the microgram level. While the
reasons for such a large discrepancy are not at all obvious,
it is true that some precedent exists in more familiar and
reversible systems. For example, a given arrangement
which deposits 99.5% of a 0.5 g sample of Cu in less than
1 hr may yet require another full hour to plate out the
next 0.4-0.5% (14).
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Influence of Impurities on the Photoconductance

of Zinc Oxide

Harowp A. Parazian,! Paur A. Frixn,? AND Dax Trivica

Departments of Chemistry and Physics, Wayne University, Detroit, Michigan

ABSTRACT

The photoconductance of pure ZnO and ZnO with known impurities, both in powder
form, has been measured using a condenser method. When irradiated by light, ZnO
undergoes a ‘“‘memory mechanism’ which depends on the past irradiation history.
It is suggested that the memory is caused by formation of traps independent of charge
carrier formation. The concentration of traps is a function of impurity concentration
and temperature. Consistent results in agreement with those of previous investigators
could be obtained, but it is shown that this depends on predetermining the irradiation

history of the samples.

The rate of excitation is given by do/dt = kI* where both k and n are sensitive to impu-
rity concentration and temperature. The decay of photoconductance is largely the sum of
two first order processes, but there can be no assignment of time constants to either
hole or electron decay. A qualitative kinetic mechanism is proposed which agrees with
phenomena observed in this investigation.

The photochemical formation of H;0, as catalyzed by
solid ZnO has received considerable attention recently
(1-3). It has been shown in this laboratory that impurities
in the ZnO affect this reaction rate (4). A fuller knowledge
of the role of ZnO requires examining some of the details
of the processes that follow light excitation; for this reason
it was decided to study the photoconductance of ZnQO. The
relation of semiconductivity to catalysis has been pointed
out (5-7), and the catalysis of nonphotochemical reactions
on ZnO has been studied from this standpoint (8-10).

Previous workers have used very different samples of
ZnO and, as a consequence, their results have not been
comparable. Mollwo and co-workers (11-13) and Weiss
(14) used thin films (0.1-0.3 x) made by oxidizing Zn
metal films evaporated onto quartz. They first presented
the following equations as characteristic of photoeffects
in ZnO:

iy = kig'I'? T
(di/dt)y = kil (II;
(dijdt), = katig?'® (111

where iz is the saturation or equilibrium photocurrent,
7 is the dark current, I is the light intensity, (di/dt)y is
the slope of the initial rise of the photoconductivity with
time, and (di/dt). is the slope of the initial decay of photo-
conductivity. It is shown later that Egs. (I) and (II) are
true only under special conditions and that under other
conditions, exponents of I depart from the above values.
Warschauer (15) and Melnick (16) used sintered pellets
of ZnO.

In the present research photoconductance was studied
on ZnO samples drawn from large prepared batches which
also furnished samples for several catalytic chemical
studies in this laboratory. The catalytic experiments re-

! Present address: Research Lab., Raytheon Manu-
facturing Co., Pittsburgh, Pa.

? Present address: Research Lab., Westinghouse Electric
Corp., Pittsburgh, Pa.
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quired this material to be in powder form. The experi-
mental method best suited for the investigation of photo-
conductivity of powders is the condenser method (17-19)
in which the powder is put between the plates of a con-
denser. One plate of the condenser is transparent so that
the sample can be irradiated, and the subsequent changes
in the dielectric are measured.

EXPERIMENTAL

Preparation of the Zn0O powders—ZnO samples were
prepared by starting with a ZnSO, solution® which had
been especially purified for phosphor preparation. The
solution was further treated, and Zn was precipitated as
the oxalate with twice-recrystallized oxalic acid. The puri-
fied ZnCy04 was decomposed to ZnO by firing in air at
410°C to constant weight. The sample without inten-
tionally introduced impurities is called “pure” ZnO.

Impurities were introduced by adding to ZnC.0, a
soluble decomposable salt of the desired substance. The
resulting slurry was evaporated to dryness with stirring,
then fired at 410°C for 4-6 hr. Impurities were Li, Cu, Al,
and Ga. The amounts were calculated to replace 0.01%,
0.1%, and 0.5% of the Zn atoms by impurity metal atoms.
In the case of the Li samples it was necessary after the
initial 410° firing to heat the ZnO to 600° to obtain con-
stant weight. These samples were then cooled and held at
410° for 4 hr. [The ZnO samples containing Ga, for ex-
ample, are referred to as “gallium samples’ or as “ZnO-
Ga (0.01%)”’].

Analysis showed that the samples contained on the
average about 999, of the expected Zn content for ZnO.
Spectroscopic and other analysis showed the laboratory
samples to be of very high purity. X-ray analysis gave the
expected pattern for ZnO. Surface areas were measured
(10) by a meodified BET method and the samples were
found to fall in the range of 10-20 m?/g.

Since it has been shown (8) that foreign oxides affect the

3 Obtained from the Chemical Division of the General
Electrie Co., Cleveland, Ohio.
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TEST
CONDENSER

B+=+90v

Fra. 1. Circuit for the measurement of the change in @
of the experimental condenser.

conductivity of ZnO, and presumably this is possible only
when solid solutions are formed, it was assumed that the
added impurities went into solid solution, as supported
by the dark conductivity of the samples.

Apparatus—In previous work with the condenser
method the change in capacitance was usually measured.
Because a change in Q 1@ = (X./R) = Inductive re-
actance/resistance] rather than a change in capacitance
is more indicative of liberated photoelectrons, the measur-
ing circuit in this research was designed with this point
in mind. The oscillator always maintained itself on the
resonance peak and was driven via the feedback coil with
a constant driving voltage (Fig. 1). The RF signal was
filtered, rectified, and recorded as millivolt changes on
a Speedomax recorder which had a 1-sec full range sweep
time. The circuit was calibrated by putting noninductive
resistors of suitable value across the condenser, which had
plain paraffin as dielectric. The resistors simulated the
loss the condenser undergoes during irradiation. A calibra-
tion curve was made by plotting the change in millivolts
appearing on the recorder against ¢ where ¢ = 1/re-
sistance. Thus ¢ is proportional to the number of charge
carriers released during irradiation and is called here the
“photocurrent,” or more properly the “photoconductance.”

Fig. 2 shows the construction of the experimental con-
denser. It was machined from brass with Bakelite for
insulation. The transparent electrode was electrical con-
ducting glass* A separation of 50u was maintained be-
tween the plates of condenser. For measurements at low
temperatures, the condenser was placed in a toluene
thermostat.

The light source was a Hanovia Mercury Arc Sc5043.
The various wave lengths were isolated with a Bausch
and Lomb Grating Monochromator Type 33-86-40. The
light intensity was measured with an Eppley Copper
Constantan Spectrum Type Thermopile.

Procedure.—The powder was prepared for use as di-
electric in the following manner: 6 g of paraffin was placed
in a 20 x 70 mm vial and melted in a boiling water bath
and 1.5 g ZnO was thoroughly mixed in. The mass was
centrifuged to give a high density of ZnO in paraffin. It
did not produce any undesired preferential packing of
sample since slices from the top or bottom of the pellet
gave the same results. The resulting pellet was allowed to

+ Obtained from the Corning Glass Works, Corning,
N.Y.
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cool and then was cut with a microtome into slices 50u
thick. The slices were kept in the dark until they were ir-
radiated for measurement.

For measurement, a slice was placed in the condenser
and the assembly completed. The condenser was placed
in the thermostat and irradiated with the desired wave
length. The resulting change in @ was recorded as a change
in millivolts vs. time on the recorder.

Ezxperimental Results

In general, each sample was characterized by a dark
conductivity o, which appeared as a steady reading on
the recorder. The dark conductivity was estimated by
comparing the loss of the condenser using ZnO-paraffin
as dielectric with the loss when the dielectric was plain
paraffin. Ideally each grain is isolated from every other
grain and the photoliberated electron is confined to the
grain in which it originates.

When the light impinges on the sample there is a rapid
increase in the number of charge carriers and this appears
as a sudden change in millivolts on the recorder. After
a time, a new equilibrium value of ¢ is reached. In many
cases o goes through a pronounced maximum and finally
settles down to a new lower equilibrium or saturation value,
o5 . When the light is shut off, the photocurrent decays
toward the value op . Fig. 3 gives a typical curve. The
value of the maximum photocurrent is o ; the saturation
or equilibrium photocurrent is o5 . The eventual value of
the current after the ligh