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THIOUREA AS ADDITION AGENT IN COPPER
ELECTRODEPOSITION
ABSTRACT

Thiourea in acid copper sulfate solution formed a
sulfur-coordinated charge transfer complex with cupric ion
> -1__—1
Amax = 340 nm, 6340 = 3300 M fm
(stability constant = 2.2 + 0.2 at 25°¢C) . Cuprous thiourea
complexes and formamidinedisulfide were formed as a result
of electron transfer frem sulfur to cupric ion. The di-
sulfide decomposed slowly in acid solution by nucleophilic ,
attack of hydroxide ion at the disulfide bond. The hydroly-
sis of formamidine-disulfide and of di- (tetramethylformami-
dine) disulfide at pH < 4 obeyed second order kinetics with
rate = k[disulfide][hydroxide]. Activation parameters were

1
' AS* =<2 e.u.
Q

AE+ = 7.8 kcal mole

I

7/
for formamidinedisulfide and

1
AE+ = 1.8 kcal mole , AS+ =+16 e.u.

for di-(tetramethylformamidine)disulfide. Cleavage of the
disulfide bond in the ‘transition complex is proposed as the
rate-determining step. Formamidinedisulfide and uncomplexed
thiourea were not active as addition agents.

. Complexes of thiourea with copper were cathodically

reduced to copper sulfide which appeared to be responsible

for ¥evelling of the deposit, probably by preferred reduc-

tion of complex at micro-peaks on the électrode surface. A .
small sulfur content (> 0.01 wt % S) in the deposit is
necessaxry for levelling to occur, and blocking theory is not
applicable to explain the observed high overpotentials- in the
presence of" thiourea. Decrease in levelllng powers of the
bath with time after adding thiourea is attributed to the
agglomeratxon of monomolecular cdprous -thiourea ions to form
aggregates of insoluble thiourea complex with cuprous sulfate.
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LA THIOUREB\COMME ADDITIF DANS LA
DEPOSITION DU CUIVRE

RESUME

{
3

En solution acide de sulfate de cuivre la thiourée
forme un complexe cuivrique coordoné par le soufre

A___ = 340 nm,e,, = 3300 M cm”’

max 340

t N +
(constante de formatiomw’ = 2.2 %+ 0.2 & 25?C) . Les complexes
cuivreux de la thiourée et de la dithiodiformamidine se
produisent aprds le transfer d'un élé&ctron du soufre vers
1'ion cuivrique. En $dlution acide la dithioformamidine est
decomposée lentement par 1l'attague nucleophile sur le -~
lien -S-5-. La cinétique de 1l'hydrolyse de la dithiodi-
formamidine et de la dithiodi- (tetramethyl)-formamidine est
du second order, a pH < 4; 'la vitesse de réaction = [dithio-

formamidine J[hydroxide]. Les param@tres d'activation sont
. }

1

AE+ = 7.8 kcal mole ', AS=j= = -2 e.u.

pour la dithiodiformamidine et

-1
AE+ = 1.8 kcal mole , AS+ +l6e.u.

pour la dithiodi-(tetramethyl)-formamidine. La rupture du lien
-§-5- est proposée comme é&tape déterminante de 1'hydrolyse.
La dithiodi formamidine et la thiour&e non complexée sont in-
actifs en tant qu'additifs.

Les complexes de la thiourée avec le cuivre sont
reduits & la cathode en sulfure de cuivre, lequel apparait
étre responsable de l'unifoymité du dépdt, probablement par
la reduction préferentielle.du complexe aux pics de la surface
de 1'éléctrode. Une faible quantité& de soufre (> 0.01 % en
poids) dans le dépot est nécessaire pour gque le nivellement
se produise. La diminution avec le temps de la capacité de
nivellement du bain apr&s addition de thiourée est attribuée
d l'agglomeration des ions monomol&culaires cuivre (I)-thiourée,
ceux-ci formant dés agregats insolubles de complexes de la e
thiouré&e avec le sulfate cuivreux.

A

~
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P
The research reporﬁéd in this thesis has involved
some §tudieé of a distinctly chemical aspect and others
largely‘of an efgctrochendcal type. As a consequence, it
seenmed desirable to éresent the results of the study in the

form of separate sections, for each of which an attempt has

been made to include an appropriate introduction, together with
t

the data relevant to that particular study and discussion o
these results. To place the overall investigation in prope
perspective, some general introductory remarks precede the
presentation of the more specialized chemical andge}ectro-
chemical studies. The presentation is concluded with some
brief general cgaments that seek to coordfnate the results

of the individual studies, and indicate the relative

importance of these to the elucidation of the function of

f

r

thiourea as a brightening and levelling agent in electrode-

position from acid copper sulfate solutions.

»
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GENERAL INTRODUCTION

The electrodeposition of metals has long been a
commercially important process in its applications to electro-
refininé, electroforming and electroplating. Modern society
relies‘heavily on electrochemical cLatings and deposits of
nickel, copper, chromium, silver, gold and many other metals.
Nickel and copper, the most important of the commercial
plating systems, have been the most intensively studied, and

a wealth of empirical data is available.

Electrolysis occurs in a bath whichaoccasionally
conéists of a fused salt or an organic electrolyte, but in
commercial practice, it is almost invariably an aqueous
solution. The metal to be electroplated must bé present in
the plating bath in a concentration high enough to permit
passage of large currents, and a high solubility is the "first
of several reguirements that limit the number of useful
plating systems for copper. 1In addition to being very
soluble, the salt must be reasonably inexpensive, stable ih
the plating bath and preferably hot highly corrosive. There
are other, and more subtle,limitgxions on the choice of salt
that may be used in electrodeposition. For example, acid
cupric chloride has desirable characteristics in respect of
al{ of the above criteria, but it cannot be used since the
formation of insoluble films of cuprous chloride at both

anode and cathode makes practical copper electrodeposition

N——— e

i
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virtually impossible. Again, cupric nitrate is very soluble,
but the reduction of nitrate ion at a potentiagl of + 0.7
volts (measured against a standard hydrogen éI;ctrode, SHE)
leads to a low current effic%ency for copper deposition at
high current densities. Acid cupric perchlorate has many

prbperties"to commend it as an electrblyte, but is’costly

and presents an explosion hazard.

Acid copper sulfate satisfies all the requirements
- .for a good electrodeposition bath, and was the only a&id
copper plating solution of commercial importanc¢e until the

use of fluoborate solutions was introduced after 1940.*

The acid copper sulfate bath has a high conductivity
and low electrode polarizaéion, so that only low voltages
are requﬁnﬂﬁ for electroplating. Anode and cathode current
efficiencies are both approximately 100%, as a consequence
of which only slow changes occur in the composition of the

solution with prolonged use.

Finally, the system is not readily affected by ionic

impurities. Good deposits may be obtained from solutions

Not mentioned here, but of importance for many plating
applications are the alkaline baths such as copper cyan-
ide, which have been extensively surveyed elsewhere. (1) °

|

-
.



that contain relatively 1argee§uantities of nickel, cobalt,
zinc and iron because conditions are not favourable fo;
co-deposition of these metallic impurities with copper. For
e¢xample, less than 2 ppm nickel was co-deposited with copper

in a sulfate bath that contained 15 g/% nickel (2).

The acid copper sulfate bath does have drawbacks,
however, since it tends to encourage coarse, nodular deposits
and frequently the spontaneous formation of “"whiskers" (3)
which, in present day copper refineries, are likely to cause
short-circuits. The relatively poor surface qualities of
electrodeposits from acid copper sulfate baths required sub-
stantial costs for buffing and polishing the electroplated
parts to the desired finish. This led to a search for modi-
fications to the plating bath, and thereby the electrodeposi-
tion process, to enable the production of smooth énd bright
coatings that would require minimum, or no subsequent atten-

tion.

' .
This search began virtually with the commencement

of commercial electroplating early in the nineteenth century,

and the developments rested, for many years, on careful,

but relatively unsystematic observations.

Spme insight may be gained into the approach used by early
electroplaters from an account given by N.S. Keith, in

the discussion section of the first symposium on the electro-
deposition of metals held by the American Electrochemical
Society and published in their Transactions in 1913 (p.294).



While visiting a nickel-plating establishment early in
the 1870's, Keith had noticed that one of the platers
was in the habit of chewing tobacco and expectorating
the tobacco juice into the plating solution. When asked
why he did this, the plater simply replied that it had
been found to give good results. Similarly, it had been
observed that storing nickel solutions in wooden barrels
sized with glue gave good nickel deposits (4), and this
eventually led to the,use of glue, and later gelatine,
as an addition agent.

v

Gelatine, glue and molasses were among the addition
agents used prior to 1913 to suppress formation of large
crystals and whiskers iﬁrdeposition from acid copper sulfate
and even at this early daté, it waps thought that some form
of adsorption of the addition agent onto the electrode must

*

be involved (5).

Taft (4) summarized the theories of addition agent
behaviour in 1933 and succeeded in demonstrating that gela-

tine or its decomposition products were occluded in copper

from baths containing high gelatine concentrations. It was -
acknowledged, however, that science was far from being able
to account for the behaviour of numerous addition agents

which platers had used over the years.

2

In a review on acid copper electroplating and electro-
forming, J.H. Winkler (6), discussed available levelliﬁg
agents and anticipéted the developALnt of a brightener for
depssition from acid copper sulfate similar to those which

had already been developed for nickel plating from a Watts
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bath.

‘At that time, the American automobile industry was
sponsoring a screening program for copper brighteners. The
search had been prompted by the shortage of nickel as;under-
coating for decorative chrome plate, which prohibited the
use of a relatively thick deposit of bright nickel to level
a rough copper und%rcoating. In 1942,Clifton and Phillips (7)
published an account of the first acid copper sulfate bath
for the deposition of bright copper, which contained thio-
urea as brightener and molasses as a secondary addition
agent to reduce striations in arkas of low current density.
The smooth and bright deposits that were obtainéd did not
require buffing and polishing prior to nickel plating. How-

ever, the bath gave unsaﬁisfactory deposits after prolonged

"operation,; even with the addition of more thiourea and

molasses, and it then had to be purified by filtration. This
behaviour was thought to be due to an accumulation of an
hydrolysis product of the thiourea, and was not further
investigated. No method could be devised to monitor the
thiourea concentration analytically, and good plating charac-
teristics were the onlyrcriterion by which its presence in

sufficient amount was recognized.

Thirty years later, thiourea is still being used
extensively as a levelling agent in copper refining and as

a brightener not only for copper, but also for nickel (8-13),
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cobalt (14,15) and iron (16). Surprisingly, ﬁowever,
relatively little progress has been made in gaining an under-

standing of how and why thiourea and other addition’ agents

modify electrodeposited metals.

.

The, lack of understanding of the effects of addition
agents may be explained partly by the complexity of the
systems. No completely satisfactory model has yef been
proposed to6 explain even electrocrystallization from highly
purified electrolytes onto single crystals of tHe same metal. *
At present, electrochemical theor§ and practidg have reached
a very high degree of sophistication in applicatijons employ-
ing polarized liquid electrodes and systems where only species
in solution are involved, witb no change in the surface of
the electrode (17). At solid electrodes, however, the simple
case of‘adsorption of ions or organic molecules presents
difficulties due to surface contamination and non-reproduci-
bility, even for polished single crystals in the absence of
current flow. In addition, there is a lack of experimental
methods for obtaining information on adsorption at solid

electrodes. Changes in surface tension due to adsorption at

interfaces between liquid metals and solutions are well

<
-

Models to account for electrocrystallization of metals
may be found in textbooks such as those by Raub .and
Miller (18), Bockris and Razumney (19), and several
others (e.g. 20,21).




documented, and represent the oldest method of obtaining
detailed information on surface coverage of electrodes of
mercury and gallium at temperatures above their melting
points. For solid metals, the method is obviously not

applicable, and more indirect methods must be employed.

The oldest and most frequently used technique for
studying addition agents is based on the often drastic in-
crease in electrode polarization caused by thé presenée of
trace levels (10_6 to 10_2 M) of organic compounds in the
electrolyte. The increased overpotentiai in the presence of
additive is usually explained by the site-blocking theory,
accordigg to which adsorption of the additive onto the metal
surface reduces the surface area available for electrodeposi-
tion with a concomitant increase in true current density and
a correspondingly higher overpotential. The overpotential in-
crease depends on the concentration of addition agent in
solution, and the main use of overpotential data has been
to determine the\concentration of additive in an electrolyte
(e.g. 22). The fact that some additives lower the electrode
polarization (e.g. nitrate ion) obviously cannot be explained
by this model ynless an increase in true surface area were
proposed. However, copper deposited in the presence of
nitrate ion appears quite smooth, so that this proposaf would

seem to be untenable.

Some workers have sought to obtain information about



v
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the adsorbed species bQ\épplying the simple site—blocking\r
theory (23) and the as;dmétion that adsorption and desorption
of additives on the metal are so fapid that no adsorbed
molecules are trapped by tHe gr?wing deposit (24). On the
basis of these assumptions, oveépotgntial increases in the

presence of additive'mgiecules have been subjected to a
rp

ion model?, apparently to derive

Bockris-Swinkels adso
free energies of adsorpti?n and surfaée*interaction para-
meters for molecules on thé' surface during.copper electro-

deposition (25-27).

) The formation of complexes between the’ additive and
other constituents of the electrolyte has been postulated

to exﬁiain the high polarization in the presence of addi-
tion agents (22,28). Films of insoluble complex in the
diffusion layer are sdid to hinder the deposition process
and periodic precipitation of these films onto the cathode in
a Liesegang-type phenomenon has been claimed to account for
the laminar structure of many bright deposits of copper amd_
nickel. It has been shown that benzotriazole, which causes
laminar deposits to be formed from acid copper sulfate .
solutions, forms insoluble&éﬁplymeric complexes with cuprous
ions and that significant amounts (0.001 to 0.5 wt’%[)of

this additive are occluded in the deposit (22).

s

The applicability of this model to adsorption with _,_,
- simultaneous electrocrystallization will be discussed
later. . “{;



Determination of the amount of additive in both the
solution and in the deposit has always presented a problem
because of the small quantities involved. Early investi-
gators deposited copper from two identical cells placed in
series. One cell was filled with pure electrolyte and the
other contained the same electrolyte with addition agent
present. When the deposit obtained in the p;esence of
additive was heavier than that from pure electrolyte, the
"excess deposit weight" was attributed to occluded additive
(e.g. 29). With gelatine as additive, combustion analysis
for carbon, nitrogen and sulfur in the deposit was used to

confirm the presence of organic matter,

The use of addition agents labelled with radioactive
isotopes has found widespread use in studying the gcclusion
of addition agents. By labelling several parts of the

14¢,3H), it is possible to

additive molecule (e.g. with ?°s,

detect whether the molecule is trapped as an entity or as

fragments formed at some stage prior to incorporation.

With thiourea®, such measurements have shown that mainly
y

sulfur is occluded in the deposit, with varying, much smaller

amounts of carbon (30,31). Some workers have interpreted

In these general introductory comments, it seems useful
and relevant to illustrate several general aspects of
studies made with addition agents by reference to results
that have been obtained with thiourea. More extensive
digcussion of some of these will be necessary subse-
~wegntly in discussing the data obtained during the present
investigation. - ‘

~1
<
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this as direct electrochemical reduction of thiourea to
give sulfide ions, which then precipitate as copper sulfide
(32-34). Others (35) have thought that cleavage of the
thiourea occurred by an hydrolysis step. Desulfuration by

dissolved oxygen of thiourea adsorbed onto the copper

o
cathqede has also been proposed (30).

Long before the use of thiourea as an addition
agent, it had been demonstrated that thiourea is oxidized to
formamidiniumdisulfide by cupric ion, with concurrent forma-
tion of cuprous-thiourea compiexes. Nevertheless, studies
of thiourea as a brightener in deposition from ac;%ggbpper
sulfa§$ largely neglected complex formation and reactions
of thiourea with the electrolyte. The possibility that it
might be oxidized by cupric ion was mentioned in some
reports (36-39), but the possible effects of‘such a reaction
on levelling and brightening powers of the bath were not

considered.

Formation of cuprous—thiogrea complexes was thought
to be of importance by Shreier and Smith (28), but was not
considered further until Javet{qnd Hintermann(40) attributed
an UV absorption maximum at 340 nm to a cuprous-thiourea
species in the acid copper sulfate bath. A camplex chemicai
system is indicated by the isolation of elemental sulfur (41),
ammonium ion and urea (42) from acid copper sulfate solu-

tion to which thiourea had been added, but no detailed
2

to




11

. b
explanation was offered for these pbservations. ‘

Investigations of open-cijcuit adsorption of thio-
@

urea on copper have beer made in organic solvent systems and .

in dilute aqueous solution using thiourea labelled with the

., radioactive isotopes 3°s and !“C. Trivich et al (43,44)

jp‘!'

interpreted their results wiEh %55 labelled thiourea in
terms of adsorption of the whole molecule, whereas Llopis et
al (45—4%), usiﬁg thiourea that contained either 3%S  or
'*C, demonstrated that the radiocactivity stemmed from films
of copper sulfide, with only traces of carbon present. Their
results were interpreted in terms of oxidative desulfuration
by dissolved oxygen, since the formation of sulfide occurred
only in the presence of oxygen. ﬁbwever,‘it is known that

in acid solution (e.g. 0.01 N HCIl) thiourea will cause
corrosion of copper withsformation of cuprous thiourea
complexes. If it may be:assumed that this process can also
take place in neutral solution, then formation of cuprous
thiourea complex could be the first reaction (cuprous

ions being formed by reaction of copper with dissolved'oxygen);
followed by alkaline g;drolysis of the complex to form

sulfide.

3
The distribution of additives in electrodeposited

a

metals has been sthdied mainly for nickel, but thiourea is

degraded and occluded as sulfide in this case also (8,9,11-13)

(similar degradation occurs in deposition of cobalt (14,15) and
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iron (16). When‘deposition occurred onto a rough nickel
substrate from a W4tts bath containing thiourea or other
lévelling agents, proportionately more metal was deposite?

on the depressions in-the surface than on protrusions (48).
By autoradiography and by direct counting, it was demonstrat-
ed‘that the deposit on protrusions contained a higher

content of éhe addifivémfhan the metal deposited in the
recesses (10,49,50). A similar study of thiourea in depo-

sition from acid copper sulfate solution has confirmed this

behaviour (51).

The results were originally interpreted in terms of -
preferred adsorption on the peaks (10,49,50), but it was

later considered possible that a thinner diffusion layer over

~-protrusions permitted a higher rate of adsorption on these

areas than in the recesses with a relatively thicker diffus-

ion layer (48).

In general, the practical aspects and common use of
thiourea as a levelling_and brightening agent continue to
make it important as addition agent in electrodeposition
from acid copper sulfate solutitns, even though its action
is not understood. This lack of understanding is due ,in paq%,
to the limited extent to which it has received attention, ’
and ,in p;rt, to contradictions and possible misinterpretatiéns

in some or many of the studies that have been made. As a

result, no satisfactory model has been proposed to account
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for the effects of thiourea on the deposition process. :

< .
In view of this situation, it appeared interesting

and important to investigate further, and in some detail,

the oxidation of thiourea and its formation of complexes with
copper in acid copper sulfate electrolyte, and to study the
electrochemical behaviour of thiourea during copper electro-
deposition, with a view to obtaining a better appreciation

of the mechanism responsible for its desirable characteris-

tics as an addition agent.




HYDROLYSIS OF FORMAMIDINEDISULFIDE

- ‘:-
-
2
,
2 e
» «"
¢
-
Pan
St dimer
.
{
/ 3 !
[
P4
N
[
%
»
e
@\
.
‘ -
“ ——
- f
» » v



14

INTRODUCTION

) )
The ti%e dependence of the addition agent properties
of thiourea in acig copper sulfate solutions has/been well

documented (36-44). The formation of ekgmental sulfur has
’ =

also been observed (41), while other studies (52,53) have

indicated that the oxidatidn of thiourea by acid copper

sulfate yields the sulfate of formamidiniumdisulfide as the

anhydrous salt, (H4N2CS~)2SO04*.

The decomposition of formamidiniumdisulfide ion in
aqueous solution was reported in early studies (56,57) to

conform to the stoichiometry

2+ +
(HyN,CS-) > + HLN2CS + S + NCNH, + 2H (1)
N

The yields of acid and thiourea were in reasonable accord
with this scheme, but that, of sulfur was almost 40% less than

expected. From the amount of titratable acid liberated dur-

ing the decomposition of the disulfide, Toennies (58) proposed
that it occurred by the sequence

C}

Salts of formamidinedisulfide were prepared as early as
1875 by Claus (54) but it remained for Storch (55) to i

establish the disulfide structure for which he proposed
the name formamidinedisulfidel .
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NH NH NH2 NH
AN 7/ N\ AN
C-5~-58-C + H,O0 -+ C=S + C-SOH (2)
/ /
NH, NH 3 NH2 NH,
NH NH
N N
C-SOH ~ C-OH+ S + S + H20 + H2NCN (3)
S /
NH, NH»

Decomposition of the sulfenic acid was assumed to occur

spontaneously. '

o

Although this proposal seems to be generally accepted,

several objections to it may be suggested:

(i) The amidinium ion H;N"+'NH,, is an extremely
weak acid. 1Its large resonance energy makes
tﬂe amidine groué strongly basic, with rela-
tive :insensitivity to the nature of a substitu-
ent on the carbon atom. The pKa values for
~ NH,, -CH,;, -OCHsy and -SCH; as substituents,
have been found to be 13.71, 12.52, 9.80 and
9.83, respectively (59). For tﬂis reason,
formamidinedisulfide might be expected to exist
as the diprotonated salt, rather than the free
base, and this has been confirmed in both the

solid state (60,61) and in aqueous solution (62).
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S-alkyl-isothiouronium salts are decomposed
by base to give the thiol and cyanami#éﬂjGB).
Arndt et al (64) prepared the free base .

S-methyl-isothiourea by condensing MeSH with

" cyanamide in ether. The compound was found to

(iii)

(iv)

NH,
©C-S-5

.

NH2

NH2

o Jc-soH

NH,

be strongly basic and decomposed in thé‘éolid

state within a day at 0°c.

The rate of decomposition of the disulfide is
strongly affected by pH (62), a behaviour not

suggested by Toennies' mechanism (58).

If protonation is taken into account in

reactions 2 and 3, the reactions would be more
\

likely to yield urea than cyanamide

(o

NH, NH

NH,
A

-C® + H,0
N

> S+ o)c-soH + u'

C

2
™ (4)
-

NH2 NH2. NH,

NH:
® .C~OH

g
|

'NH;
8c=0 + '

-’

+ S (5)

? +
J + S + H20 + NCNH, + H

NH2

NH,
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wu F The formation of sulfur during decomposition of
disulfides derived frow thioureas was confirmed by Fichter and
Wenk (65) and by Fichter and Braun (66), who prepared several
N-alkyl formamidinedisulfiées by electrolytic oxidation. of

the corresponding thioureas at a stationary platinum anode.

It was féund that t?e N-alkyl compounds were reasonably stable,
whereas N-arylformamidinedisulfides were too unstable to ‘be

isolated from acid solution without appreciable decomposition,

e .g. '
&) @
PhNH NHPh
\ "
C~-S-5-C + PhNHCS.NH» + S + PhNHCN + 2H (6)
NH» NH

D'Angeli and Iliceto (67) attempted a study of
isotopic exchange of ?®S labelled N-alkylthioureas and
N-alkylformamidinedisulfides 1n agqueous solution. They foun?
the exchange to be too rapid for kinetic study. The exchange

mechanism was given as a nucleophilic displacement reaction

at the disulfide bond

NH» Nﬂz\@‘ ,NHR NH, NH, NH, NH, i -
e i \ * - N
C=S* + -s-c:\@ + @f‘;c-s-s—ci\@‘ T+ >c=s‘ (7)
NHR _NHR  NHR HNR  HNR
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The redox potential of the formamidiniumdisulfide- o

thiourea couple has been found to obey the Nernst equation

vt
¢

RT (D]
+ 5= 1In ———— (8)
2F [Tu]z

ED/gpf% Eg/Tu
where D and Tu representlthe formamidinium-disulfide ion
and thiourea respectively, wi%ﬁ a stanéard electrode potential
of E° = + 0.42v at 25°C (62,68,69). The anodic oxidatioﬁ of
thiourea at a sﬁationary glatinum electrode in various
Supporting electrolytes'canform§ to a one—elgctron oxidation
of thiouréa'at pH ~ 1,-presumaﬁzy to give salts of formamidine-
disulfide, although no attempt wagjﬁgde to isolate and iden-
tify the oxidation product (70).% A supporting electrolyte

of pH < 3 was required for satisfactory behaviour, but its

role was not evident.

Subsequently, it was proposed (71) that the overall

reaction was

N\Hz NH NH
\ / -
2 C=8 s+ (-g-5-C +znr; + 2e (9)
/. / \ ‘

NH NH 2 NH

The charge transfer process was assumed to involve the

tautomeric thiol form of thiourea,
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i,
NH NH
\ N\ -
C-SH - c-s. + HY + e (10)
/
NH 2 NH » !

Studies of thiourea as a brightening agent in
copper electrodeposition¢from acid copper sulfate solutions
have led to the view that the oxidation of thiourea by cupric

ion may be represented (36-39).

NH, Q? NH
\ !
2cu’* + 2 c=s -+ 2cu’ + c-s-s—c + 2n" (11)
/ \
NH, NH NH:2

A slow decrease of pH upon addition of thiourea
to a weakly acid (pH = 3 to 4) copper sulfate solution
#las been regarded as confirmation of the mechanism (38).
However, it not only disregards protonation of the disulfide,

but apparently corresponds to a positive value of AG,

calculated from the electrode potentials for the two redox

r

- couples; S
cu?t + e = cut ; E° =+ 0.167 (12)
aq aq
NH NH, NH, -
\
2 [ = eg-s-scie  +2e7i 5% = -0.420v (13)

NH, NH NH,
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Hence
NH, NH NH,
2cu?t + 2 c=s = 2cu’ + @ﬁc—s~s-é;@ ;
é%z « &Hz th
(14)
P E® = 0.334 - 0.420 = - 0.086

This can be seen from the following considerations: the free

energy change for reaction 14

may be calculated from

*
-
[

AG = 2
Since .
AGCu2+,/Cu+ = - FE
and
it follows that
AG

cutycut = _F(0.167 +

(a proper representation of

reaction 11 to correspond to experimental observations)

. AG -~ AG (15)

cutt/cut D/Tu

~

) 24
RT ) [Cu’’)
[cu’]

“. (16)

N

~2F(0.420 + BT 1, D]
2F

(17)
F o [rul?

2F(ED/Tu - ECu2+/Cu+) (18)
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ks

. \ Reaction 14 can only proceed as written when AG < 0 or

E > E

cu?t/cut D/Tu’
present 1n1t1al;y, values of ECu2+/Cu+ and ED/Tu may be

:If only cupric ion and thiourea are

calcula%ed from the extent of reaction. For the initial
conditions at t = 0 ofﬁ[thiourea]o =—[Tu]°,
» ,

S
2

[formamidiniumdisulfidslﬁ_= [D]°

-

= 0,[cupric ion2¥1° = [cu?*]°

. and [cuprous iont] = [cu*1° = 0, oxidation of the fraction
« = [Tul® - [Tu]
v T [Tul®

"
2,

of the thiourea corresponds to reduction of

. <«

[cu2t1° - [cu?']

x:
[cu2’1°

4

of the cupric ion. For this extent of reaction the potentials

of the two couples may be written

- RT ;, X _RT o
1~::D/Tu =+ 0.420 + 5x 1n - 5 10 2 [Tul™ . €19)
(1-x)
and
- - RT 1, {1-%)
) ’ ECu2+/Cu+ = + 0.167 + F 1ln = (20)




NOTE:

FIGURE 1

VARIATION OF THE REDQX PQTENTIALS OF THE
COUPLES D/Tu and Cu?”/Cu’ CALCULATED FOR
EXTENT. OF REACTION, X, ACCORDING TO.EQNS.

R 19 AND 20

-

For any given initial concentration of thiourea,
the maximum-extent of reaction is given by the"
value of x “,at which the line representing the »
change in Eg 2+ ot with x intersects the
x“% corresponding line for

ED/Tu for that initial concentration of thiourea.
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When ED/Tu and ECu2+/Cu+ are plotted as functions

-

of x, (Figure 1), it becomes evident that a significant
conversion [> 4%] of thiourea to disulfide according to

reaction 14 is not possible, since AG becomes positive.

A more satisfactory stoichiometry for the oxidation

of thiourea by cupric ion in aqueous solution appear§'to~bé‘—y‘
possible by considering the fact that thiourea forms sérong

compléxes with cuprous ions\y (72,73). The potential of the,\\

cupric-cuprous couple in the presence of thiourea must

therefore be written to take into account the equilibria

. cu Tu?t K1 Cu+ + Tug (21)
+ + ' ‘ -
Cy Tu K2 Cu Tu + Tu (22)
+ +
Cu Tuj l(_;_ Cu Tu, +.Tu {(23)
Cu Tu Ky Cu Tus + Tu (24)
; +
Cu Tuy B Cu' 4 4Tu (25)

|

-pe
where B84 = K; Kz K3 Ky = 3 x 10 (74,75). Under typical
electroplating conditions, with }ow thiourea concentrations,
only equilibrium 21 need be constered for a first approxi-

mation, and
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RT
Ecu2* scut +0.167 - 2= 1n K, +
(26)
+
. {Cu Tu ]
- P -
where
” Ky =K = 8,2 | (27)
* ' -5
i.e., Ky~ 1.32 x 10
. -3
Hénce
» 2+
E. .+, + = + 0.167 + 0.230 + KT jplcu” 1[Tu] (54,
Cu® /Cu F [cu Tu']

The effective potential of the cupric-cuprous couple
is thus significantly increased in the presence of thiourea,

-

making the oxidation of thiourea by cuprigiion a thermo- : ot
dynamically favorable ;eaction. In éenera; agreement with
Slashcheva et al (76{ and Shulman et al (77), the stoichio-
metric equation for oxidation of thiourea by cupric ion in

aqueous solution would therefore be

NH, _ NHp .
\
#acu?t + 2n c=s + 2cut(s=c ) + -
/ \\ n-1
NH, NH, -
NHz NH, > (29)
. @}c-s-s-c\io
g NH2 ﬁﬂz R : ~
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. with

2 <n< 5

Although they are not directly relevant to the
present investigation, it is interesting, perhaps, to note
that studies have been made of the oxidation of thiourea in
acid solutions to formamidinedisulfide, using ceric «78)
and cobaltic (79) ions and of the oxidation of cuprous-
thiourea complexes by cupric perchlorate in acetonitrile (80),
in which the disulfide was represented as the free Q%se in‘

solutioﬁ.

— EXPERIMENTAL AND RESULTS

- ' EQUIPMENT

Spectra were recorded on a Perkin-Elmer 402 UV
‘/\\visible spectrophotometer fitted with a thermostatted.cell
holder. The wavelength and absorbance scales were checked
usiﬁg didyimium and Holmium glass filters and standard
- potassium chromate solution (NBS(US) Circular 484 (1949))
respectively. The cells used were fused quartz having a path
length of 10 mm and completely transparent over the range

studied (190 - 850 nm).

Infrared spectra were recorded as nujol or per-
fluorokerosene mulls on a Perkin-Elmer 337 Grating IR

‘ spectrophotometer at a scan rate of 20 minutes for each of the
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+

-1 -1
4000 - 1200 cm and 1330 - 400 cm ranges. Polystyrene

film (0.05 mm) was used for wavenumber calibration.

» Potential and pH measurements were made relative to
a saturated calomel reference electrode, using an Orion model -

\

701 digital millivolt/pH meter.

MATERIALS

Water used in preparing all solutions was deionized
and distilled. Thiourea (Baker analyzed reagent) and tetra-
methylthiourea (Eastman)fwere used without further éurifi-
cation. Sulfuric acid (Anachemia, Reagent grade, 96%) and
hydrogen peroxide (Fisher certified reagent; 30%) were used
as supplied. Cupric sulfate pentahydrate (Fisher cer#ijéed‘
reagent) was once recrystallized from acidified distilled
water to remove ins;iuble impurities. Solutions of acids

and sodium hydroxide were standardized against mercuric

oxide and acid potassium phthalate, respectively.

OXIDATION OF THIOUREA WITH HYDROGEN PEROXIDE

Thiourea (15.22 g = 0.2 moles) was dissolved in 50%
aqueous ethanol (200 ml) containing sulfuric'acid
(5.8 ml 96% H,SO, = 0.1 mole). The solution was cooled
below + 5°C in ice water, and 30% hydrogen peroxide
(1078 ml = 0.1 mole) added with vigorous stirring over a
period of five minutes. A heavy white precipitate of

formamidinedisulfide sulfate was formed almost immediately,

o\




and collected after 20 minutes on a sintered glass funnel by
suction filtration. It was washed succegéively with 4 x 20 mf
cbld 50% ethanol, 40 x 20 ml 95% ethanol énd 5 x 20 ml
anh&drous diethyl ether. Finally, it was dried by drawing

filtered air through it for six hours.

-

The disulfide was weighed and stored in a vacuum
desiccator over indicating silica gel. In successive prepara-
tions the yield was 23 *+ 1 g (six preparations) representing
about 90& of theoretical. More disulfide could be recovered

from the mother liquor, to bring the yield to 98%.

The formamidiniumdisulfide sulfate was obtained as
a dense white powder (microscopic needles) soluble in dilute
acid at 25°C to the extent of = 2.5 g/lOd ml; it was
\
insoluble in ethanol. All samples prepared melted with de-
composition at 135-136°C (uncorrected). The reaction with
picric acid gave a yellow insoluble picrate that melted with

decomposition at 158-159°C (uncorrected), which compared

favourably with a value of 154°¢ given by Werner (57).

Elemenfal analyses by Schwarzkopf Microanalytical
Laboratory are shown in Table I, along ﬁ{lh values for the
titratable acid, sulfate and total sulfur -contents obtained

independently.

[ <]

?
v

Previous preparations of a sulfate of formamidine-
disulfide (53,65) were claimed to be the anhydrous salt on

{

the basis of total sulfur and sulfate analyses. Melting points

@
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were not recorded for these preparatibns. The present
preparations gave an absorption at ~ 3500 cm-1 in theuinfra-

red which could be attributed to an OH stretchlng mode,
presumably indicative of a hydrated salt Upon deuteration

this band shifted to ~ 2600 cm—l, giving a frequency ratio of
1.35 in good agreement with the theoreticai isotope effect of
1.37. However, attempts to show the presence of water by weight
loss over silicg gel in a vacuum desiccator failed. 1In 10

days, 21.6 g of the finely powdered sulfate lost only 5.6 mg,
representing 0.38% of the weight loss calculated for the °

complete dehydration of a formamidiniumdisulfide sulfate

monohydrate.

Accordingly, the formula weight of the sulfate was

determined by UV spectroscopy.

!

In agueous solution, the disulfide showed no absorp-
tion maximum above 190 nm, and only a continually increasing
absorption toward the vacuum UV region. The UV maximum

at 204 nm givenuby Hintermann and Javet (37) did not appear.*

* It is possible that this observation was caused by excess-
ive stray light in a common error in the lower wavelength
region of interest. Spectra of the disulfide taken with
a Unicam SP 800 showed a concentration dependent maximum
in the region 200-210 nm, but similar distortion of the
spectrum of thiourea showed this maximum for the dlsulflde
to be an instrumental artifact.
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Since Foss et al (60) have shown that formamidine-
disulfide dihydrochloride is free from?water of crystalliza-
tion, a sample of the chloride was prepared and its infra-
rgd spectrum taken. No evidence was found that it contained
water of crystallizétion. Beer's law was verified for
solutions of the dihydrochloride in 0.4 M HCl at 25°C and
: théﬁmolar absorptivity found to be 1844 * 22 % mole” ' em™'
‘at 236.0 nm. Beer's law was then verified for solutions
of the sulfate in 0.4 E.\HCl at 25°C and the absorptivity
was 6.§2~$ 0.08 £ g_1 cm“l at 236.0 nm. ' Combination of
'fgese two values gives a formula weight for formamidinium-
diéulfide sulfate of 266 * 4, in good agreement with the
formula weight of 266.34 required for a monohydrate. The
total sulfur content corresponds to a formula weight for
the sulfate of n x (83.3 + 0.3), or 265 *+ 1 for n = 3. The

‘tonstitution of the formamidiniumdisulfide sulfate as a

monohydrate is thus established with reasonable certainty.

The infra-red, Raman and UV spectra of formamidinium-
disulfide sulfate monohydrate are shown in Figures 2,3 and 4,
respectively. The infra-red spectrum of the deuterated

compound is shown in Figure 5.

OXIDATION OF THIOUREA WITH ACID COPPER SULFATE

Thiourea (76.13 g = 1 mole) was dissolved in warm
(40°) 1 M H2S04 (800 ml) in @“éwo liter beaker. The

i
solution was rapidly stirred with a teflon-coated magnetic bar,
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FIGURE 2

INFRARED ABSORPTION SPECTRUM OF FORMA-
MIDINIUMDISULFIDE SULFATE MONOHYDRATE
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FIGURE 3
o ¢
RAMAN SPECTRUM OF FORMAMIDINIUMDISULFIDE
SULFATE MONOHYDRATE *

.%.

‘Determined by Dr. G. Barna

Dept. of Chemistry
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FIGURE 4

Y

UV ABSORPTION SPECTRUM OF FORMAMIDINIUM-
DISULFIDE SULFATE MONOHYDRATE IN 0.4 M HCl
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FIGURE 5

INFRARED ABSORPTION SPECTRUM OF FULLY
DEUTERATED FORMAMIDINIUMDISULFIDE SULFATE
MONOHYDRATE AS A NUJOL MULL

%




o » N 2
\ - i ’ .
t o o
12 _ 2
{ AT
t* ..\ .
= ¢
Q B
. R 0 a -. '
§
Rl 2 -
o 4

e . &

¢ 5 N .t

° o . <

X (, M2 ATuandgas e .

» = . Y odesx
009 ole}-] 2 000! jolali PN ° oo . [¢ ¢} [s,00)% O0GE R

f— e~ - —

S

e —

{

!

{
” i
! \/\/ Ve f
I , 1 N . -
| / ST |

3 \
. i \/ 4\( Ww. . s .m 1 - !
-~ . ' [ / N
_ ‘ ANA Voo ’ \ - -
- ' (O VN . ' _
. : _r\ . §
< U
h-
4
J
. s _ .
[ - \ 1
’ s :
s A - . .
= * ’
° & PN
N K . - - - k‘.lﬂ'ﬁ < . -
. -2 - * 3 .




TABLE I

ANALYSIS OF FORMAMINIDIUMDISULFIDE SULFATE MONOHYDRATE *

A: ELEMENTAL ANALYSIS BY SCHWARZKOPF MICROANALYTICAL LABORATORIES
Element % H202~-0Oxidation CuSOy4~0Oxidation Calculated
s 36.80 1 36.23 36.12

c - 9.63 , 9.20 9.01
N 21.84 2 20.94 21.02
H 4.04 4.07 3.78°
B: TOTAL SULFUR, SULFATE AND TITRATABLE ACIDITY
S(total) 36.34 *+ 0.14 . 36.12
SO, 37.57 + 0.28 36.08
+
. H , 0.772 *+ 0.009 0.757

* Calculated values are for (HyN2CS-)2804,.H20 with a formula weight of 266.34

. S

re
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and acid copper sulfate solution slowly added until it was

in slight excess, as indicated by a faint blue color. A
mixture of insoluble cuprous thiourea complexes separated as
an oil after a few minutes. The solution was decanted after
one hour and allowed to stand in ice water over night to
ensure complete crystallization of any remaining cuprous-
thiourga salts. It was then filtered and diluted with an
equal volume of cold 95% ethanol. The white precipitate

that formed was filtered after one hour and washed successive-
ly with° 50% ethanol, 95% ethanol arid anhydrous diethyl ethef.
The -air-dried.yield (24 hr) was 32.0 g (=0.12 mole (H4N2CS-):
SO4.H20), with a melting point of 135-136°C. The picrate
melted at 159°C. The infrared and UV specgga of the sulfate
of formamidinedisulfide obtaingd’by cupric ion and by peroxide

[

oxidation were shown td® be identical.

Elemental analyses are shown in Table I.
\

STOICHIOMETRY OF THE HYDROLYSIS OF FORMAMIDINE-
DISULFIDE

v

When the sulfate of formamidinedisulfide was dissolv-

ed in neutral solution a very rapid initial decrease, in pH

-

was followed by a more gradual change. When the disulfide
vadl

was "added to dilute acid of pH 2.5 to 3.0 there was only a
slow decrease in pH, the rate of which changed with time and

concentration of disulfide initially added (Figure 6). From

the immediate pH change caused by dissolving disulfide in

dilute acid (i.e., neégligible pH change due tq the hydrolysis

¥
(

A
p2

-

é
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reaction, see Figure 6)a 1bwe€_limit can be estimated for

the effective pKa of the formamidiniumdisulfide ion as

|

Surprisingly, the release of enong acid to account
for 10% decomposition of ome gram-of formamidiniumdisulfide
sulfate monohydrate caused no turbidity in the solution
(100 ml), whereas the Toennies mechanism predicted that

0.012 g of elemental sulfur should have been formed.

Treatment of the disulfide dissolved in a khown
amount of 1.000°§ HC1l with ex;ess 1.000 N NaOH gave immediate
precipitation of amorphous sulfur. Typically, 1.0191 g
(HyN,CS-)2504,H,0 (=0.00383 moles) dissolved in 10.00 ml '

1 N HC1l and treated with 25.00 ml 1 N NaOH gave 0.1104 g
amorphou; sulfur (0.00344 gatom), 0.00389 moles thiourea
(Argentimetric, "Cyanamide", American Cyanamidé/Co. p.23)
and 0.02]75 equivalents H+. Hydrogen sulfidg was detectable
by its 6dor and the presence of cyanamid was demonstrated
qualitatively by formation of the yellow silver salt in the

ether extract of the decomposition products. This would

indicate a decomposition according to
/

NH, ' NH, NH,
A /

o;:-s-s-c{@ + 1.01 /c=s +0.904S + 2.02 ut

\

NH, = NH; NH2 (30)
’ + NCNH, + X H;S
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FIGURE 6

DECREASE IN pH CAUSED BY HYDROLYSIS OF

FORMAMIDINIUMDISULFIDE SULFATE MONOHYDRATE

IN HYDROCHLORIC ACID WITH AN INITIAL pH
OF 2.73 .
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Addition of a weighed quantity of the disulfide

‘f.’

sulfate monohydrate to boiling distilled water gave similar
results except that no hydrogen sulfide was detectabfz. Thus,

10.3672 g of the compound (= 0.0389 mole) added to ~ 200 ml

'boiling distilled water gave 1.2253 g amorphous sulfur

(=0.0382 gatom ), 0.0387 moles thiourea, 0.0790 equivalents
of HY and cyamide. This stoichiometry also conforms quite

well to the stoichiometry proposed by Toennies,

NH NH, NH,

) /

®C-5-5-C ® + 0.994 C=S + 0.98 S + 2.03 H'

\ | 61)
NH NH, NH

+ NCNH,

When a weighed quantity of the isulfide sulfate was
added to distilled water at 25°C and slowly heated to effect
decomposition, the amount of thiourea obtained’increased
significantly to 1.31 * 0.05 moles per mole of the parent
compound (5 determinations). The titratable acid remained
at 2.04 * 0.02 equivalents per mole of disulfide suifate.
Amorphous sulfur and cyanamide were also obtained buf were not

determined quantitatively.

To determine the stoichiometryvgorresgonding to
decomposition of the disulfide at the concentrations antici- .
pated in electroplating baths (< 10"3 M) a more sensitive
;nalytical method was needed. While recording the qy spect;a

of formamidinedisulfide, it had been observed that the absorb- '
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ance of a freshly prePared solution was unaffected by pH in
the range 0.05 to 4.00 M H:S04, but the solutions all showed
a gradual increase in absorbance at ~ 236 nm, as shown in
Figure 7.Since thiourea was known to be the major hydrolysis
product, its UV absorbance was determined (Fi%ure 8).It

was found to possess absorbance maxima at 196 nm (logi;pe=4.088
0.005) and 236 nm (log;oe=4.076 * 0.004) and to obey Beers

law over the whole range studied. The conversion of the di-
sulfide‘sulfate monohydrate to thiourea and other prpducts in
agueous solution would therefore)correspond to an increase-in

absorbance in the region about 236 nm.

As shown in Fig. 7 and observed in all the decompo-
sitions studied by UV spectrophot&&etry, the mixture of
disulfide and its decomposition products appears to possess an
isobestic point at 211 nm. This indicates that decomposition
occurs without interference from side reactions under these

experimental conditions. ~

The absorbance of the disulfide and its decomposition
products at any time, t, and wavelength A, can be written as
the sum of the individual absorbances, expressed in terms of
the product of molar absorptivity €4 .x and concentration

[Ci]t for each species i,

Ay,t.= €p,alPly + e, ITul, + f e; a6 )¢ (32)

-

+
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FIGURE 7 1
INCREASE IN THE ABSORBANCE AT 236 nm

OF A DILUTE ACID SOLUTION OF FORMAMIDIN- -
IUMDISULFIDE UNDERGOING SLOW HYDROLYSIS
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FIGURE 8

UV ABSORPTION SPECTRUM OF THIOUREA
IN AQUEOUS SOLUTION AT pH = 7
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where the summation I g, , C, represents as yet, un-
i i,X 7i,t

identified decomposition products. Because of the relatively

simple structure of the disulfide, the possible prodﬁcts are

probably limited to cyanamide, urea, formamidinesulfenic acid, .

formamidinesulfinic acid, formamidinesulfonic acid, ammonium

thiocyanate (doubtful), and possibly 1,1'-thiodiformamidine

formed by reaction of thiourea with cyanamide.

Cyanamide and urea have essentially no absorbance
above 210 nm and present no difficulty to the spectrophoto-
metric detection of other possible products. The possible
presence of sulfenic acids may be neglected, since they are
kﬁown to be highly reactive, and generally undergo rapid
disproportionation if no other reactant is available. However,
formamidinesulfinic acid, which is relatively stable* in
dilute acid and has an extinction coefficient < 500 at 230 nm,
could be formed from sulfenic acid. Formamidinesulfonic acid
is very unstable (82) and could possibly arise from dispro-
portionation of formamidinesulfinic acid. Thiourea will

readily condense with cyanamide in ethanol to form salts of

* Attempts to isolate formamidinesulfinic acid as a product
of the hydrolysis of formamidinedisulfide did not succeed,
presumably ‘because of hydrolysis of the former (81).
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1,1'-thiodiformamidine

NH; NH2

Lo

[\
NH. NH,
® ®

but this compound was found to be much more susceptible to
hydrolysis than the disulfide, so that it should n®t form in

the systems under consideration.

Since none of the compounds considered coulq“contri-
bute appreciabf@qto the absorbance of the disulfide and its
decomposition pfoducts at wavelengths greater than 230 um,

=

the absorbance may be represented

[}

[D], +¢

£y, [Tu]t w (33)

Ax>230nm,t ¥ ©p,x

-

or at such a time when all disulfide can be asbumed to be

decomposed

Ay>230nm, t=w = Ery,ry [T, (34)

¥

Egn. (34) and 11900 ¢+ 100 for thiourea were

_ €236
used to estimate the amount of thiourea produced in the

decomposition of the disulfide sulfate monohydrate in aqueous

©c. oOver the range of initial disulfide

solution at 25 * 5
- b -l
<concentrations from 1 x 10 to 3 x 10 M the final absorbance

at 236 nm gave 1.34 * 0.07 moles of thiourea éér mole of




disulfide,; with individual experiments giving valués as ‘high
as 1.47. This stoichiémetry would bé in accord with a re-
action seqdence involving formamidinesulfenic acid which
rapidly di§probortionates to give thioureg and formamidine-

(3

sulfinic acid,

4

-
NH, NH, NH, NH, c
éo‘}c—s—s—c/'{@ - +OoH ~ = \c=s +. @}C—SO-H (35)
&HZ &Hz ’ l JLZ Q ggz . :
NH O NH;"w . NH, o | , >
2 @}C-SO'H -+ \c=s + @k}S{; + 20" ) (36)
NH. Néz KH . \Br ‘ Lk
T
L
he overall stoichiometry would.then be
NHZ , NH s NH; ‘NH2 i p [
2 @}c-s—s—cf@ + 206 ~ -+ 3 \\e=s + @}C-SQD + 25+q(37)
iH NH, ﬁéz_} NH, 0

] ‘ 3

* The stoichiometry represented by eqn. (37) would

account for the O ed high thiourea to disulfide Patio

concomittantly with the production of the gwo equivalents of
SN K ‘

, acid per mole of disulfide decomposed. '

! - 4

KINETICS OF THE HYDROLYSIS OF FORMAMIDINE
-DISULFIDE IN DILUTE ACID, pH < 4 "

a

Ay
~

On the basis of eqns. (325 and (37): the absorbance

¢
W .

a
B o
.

* [ \.\
" -

,g~ ©
o .
.
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of a solution of formamidinedisulfide, D, and its decompo- |
sition products thiourea, Tu, and foﬁhamidinesulfinic acid, §

at a given wavelength may be written

+ eTu’A[Tu] + ‘:s,x[S}t (38f

At 2367nm, where the difference between the extinction
Y

-~

coefficients is greatest,

3 , . . -

' Pyye,¢ = 1844 [D], + 11900 [Tul, + 500 [s1, ‘ (39)

The change in absorbance with time may then be a

expressed . ‘ .
dA. .. "d [p] a [Tu] a[s]
—-é-—z-@i-t- = 18444—3-{_'—-—9 + 11900 t-4 500 t (40) .,

J
9 - 3
B

From egn. (37)

L]

® , -
aftel, , . 4l :

o

o]

o
wa

L}
o
L]
(%)
w

(42) s




3 Substitution of these expressions into egn. (40)
gives
da d [Tu] d [Tul], ~ d [Tu]
» U236 _ t t t
3t = 1210 - Ta— + 1190——~HE———v+ 160'—7§E~_— (43)
or
dA23§ ¥ d [Tul,

Therefofé the initial rate of change of absorbance at
236 nm can be linearly related to the rate of the hydrolysis
reaction, defined by

aro] o
= k [DI"(HC1] (45)

Using a Perkin-Elmer 402 UY—visible spectrophotometer
in the time drive mode, the initial rate of change of absorbance
at 236.0 nm was recorded for the disulfide in HCl1 of
9.65 x 107" M concentration. Measurements were made at 25°C
for initial Qisulfide concentrat&ons over the range

-5 4
4.60 to 30.07 x 10 M. The results are shown in Table 3/

) >
The least-mean-squares slope of the plot of 1n R,

against 1n D_ (Figure 9)is + 1.06, which indicates that the
rate of decomposition of the disulfide is first order in

disulfide at constant pH, i.e., m = 1 in egn. (45).

[

o




TABLE 2

DEPENDENCE OF THE INITIAL RATE OF HYDROLYSIS ON
THE INITIAL DISULFIDE CONCENTRATION AT 25°C IN
HC1 OF 9.65 x 107" M CONCENTRATION

DO -1 be\/
(M) (M cm min )
0.0000460 0.0238
0.0000899 " 0.0520
0.0001284 0.0753
0.0001809 0.101 ‘
0.0002347 | 0.136
0.0003007 0.178

3

|
13

o




FIGURE 9

VARIATION OF INITIAL RATE OF CHANGE OF,

ABSORBANCE AT 236 nm WITH INITIAL CON-

CENTRATION OF FORMAMIDINEDISULFIDE IN
0.000965 M HCl AT 25°C.
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~

The dependence of Ro upon HC1l concen;ratidn at
-4
constant disulfide concentration (>~ 2.3 x 10 M) was,

similarly determined for a range of acid concentrations from

u

9.65 x 10  to 9.65 x lO—ag, with the results shown in

Table 3 and'plotted as In R, against 1n HCl in Figure 10.
Since this plot has a least-mean-squares slope of -1.06, the
rate of reaction is apparently related inversely to the con-

centfation of acid, with n = - 1 in egn. (45).

7 »

§

The rate expression therefore takes the form

1 d[TU]t d[th ] -l

with the rate of formation of thiourea given by

d [Tul, 1 9Ry3

-1
—3— = 3 k [pI[HC1] = 710866 ~dt

-

Inhibition of the decomposition by hydrochloric acid probably
results from a rapid equilibrium involving HCl that precedes
the rate Qetgswining step of the hydrolysis. Since hydroxide
ion is known to decompose some alkyl and‘aryl-disulfides by
nucleophilic attack upon the disulfide bond (83-85), it may -
be assumed that formamidinedisulfide reacts similarly. Since

+ -1

+ - - - .
[ 3o~ 1=k, or (0¥ 17 =[on " ] xw‘the rate

L
>

expression may be written

“)



* TABLE 3

DEPENDENCE OF THE INITIAL RATE OF HYDROLYSIS OF
FORMAMIDINEDISULFIDE UPON HYDROCHLORIC ACID CON-

DISULFIDE OF 2.3 x 10~ 'M ‘

¢4FJ/// CENTRATION AT 25°C, FOR_INITIAL CONCENTRATION OF

(M) - (M "em ‘min °)| = R'
10.0002347 ° 0.000965 . 0.136 579
0:0002333 0.001930 0.0645 276
0.0002401 0.000290 0.0421 175
0.0002392 0.00386 ", 0.0313 131
0.0002409 0.00965 0.0121 50.2




» FIGURE 10

VARIATION OF INITIAL RATE OF CHANGE OF
ABSORBANCE AT 236 nm WITH INITIAL CON-
CENTRATION OF HYDROCHLORIC ACID

»
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da{Tul da
t _ ' -~ _ 1 236
—gg— = 3 k K, [DI[oH ] = (48) -

10800 dt

Using the experimental data in Tableg 2 and 3 and

- -1
Kw =1.008 x 10 li a value is obtained for k'Kw of

(2.74 + 0.16) x 10" "M 'sec” at 25°cC.

In Table 4 (Figure 1ll) are recorded values of the
vl
rate constant kT = 3k Kw over the temperature range 20.0
to 40.0°C. These give an apparent activation energy for the

-1 .
rate-detérmining step of 7.8 kcal mole . The corresponding
change in the free energy of activation with temperazgze,

h_
kT
for the rate determining step of AS+ = -2 e.,., (Table 5,

given by AG+ = -RT 1n kg yields an entropy of activation

Figure 12).

HYDROLYSIS OF THE FULLY N-METHYLATED FORMAMIDINE- >
DISULFIDE IN DILUTE ACID, pH < 4

The surprising ease with which formamidinedisulfide
was hydrolyzed suggested that similar studies be made with
the fully N-methylated disulfide. Accordingly, 1,1,3,3-tetra~

methyl-2-thiourea (TMT) was oxidized to the diperchlorate

salt of di-(tetramethylformamidinedisulfide (TMD) (mp 232-

235°C, decomposition at 255°C) by the method of Lecher et

al (86). Analyses of the disulfide agreed with the formula

¥

for an anhydrous diperchlorate salt. The UV spectrum of

~

“ A

\ |
:}------I-IIIIIIIIIIIIIIIIEIIIII.



"‘ TABLE 4

VARIATION OF THE OBSERVED RATE CONSTANT FOR
THE: HYDROLYSIS OF FORMAMIDINEDISULFIDE IN
HC1 SOLUTION WITH TEMPERATURE

T°k kg = 3 k k"' s
-1 —lw
M sec

293.2 (6.00 £ 0.08) x 107
- 298.2 (8.23 + 0.50) x 10’

303.2 (8.99 + 0.14) x 10’7

308.2 (14.5 + 0.2) x 107

313.2 "~ (14.5 ¢ 0.2) x 10’

* Values for kT are the averages of at
' X least three determinations at each
temperature. ‘
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FIGURE 11

ARRHENIUS PLOT OF THE RATE CONSTANT FOR
HYDROLYSIS OF FORMAMIDINIUMDISULFIDE -OVER
THE TEMPERATURE RANGE 20.0 TO 40.0°cC.
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VARIATION O THE FREE ENERGY bF" ACTIVATION FOR
THE HYDROLYSIS OF FORMAMIDINE DISULFIDE ICN HCX™

,

-

’ TABLE“S

SOLUTION WITH fEMPERATURE

©

%

-

~_" s
L' ’ .
; 1
» Py p
' o ) P
Cp T K ko M sec” ) -AG" (kcal mole )
r i
s g
‘ -
/.!t 0
\ -+ F 293.2. (6.00+0:008) x 107 6.72 4
,298.2 (8.23:0-.50)  x 10’ 6.66
303.2 (8.99+0.14) x 107 6.72
. ‘ R - o
30%8.2 “ (12.2%0.2) x 107 ? 666
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FIGURE 12 °
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tetram%thylthiourea and the infrared and UV spectra of its

disulfide diperchlorate were recorded (Figures 13-15).

When the di-=(tetramethylformamidine)disulfide
diperchlorate salt was dissolved in distilled water (pHO=7)

there was an instantaneous op .,in pH to a value of approxi-
p\ . Y

mately 2-3. When the salt was dissolved in dilute HCl

(pH®=2.63 at 25°C) a more gradual pH drop was obtaingd(Figure 16).
The acidity released during hydrolysis of the disulfide was
titrated with standard sodium hydroxide solution and found to
correspond to two equivalents of acid per mole of the disulfide

decomposed. No sulfur was formed during the titration with

-~

hydroxide, in contrast to the corresponding titration of

formamidinedisulfide.

R
The changes in the UV spectrum when the di-(tetra-
*

methylfbrmamidine) disylfide diperchlorate 'was dissolved in .
dilute HCi(0.000S.to 0.05 M) corresponded to the formation of
tetramethylthiourea (Figure 17).The absorbance at 249 nm

after hydrolysis was complete corresponded to ~ 1.45 moles of

P
tetramethylthiourea per mole ‘of disulfide hydrolyzed.

On the basis of the final absorbance at 249 nm for

the hydrolysis of di—(tetrémethylformamidine)disulfide it

may be assumed that the tetraméthylformamidine sulfinic acid

]

(Tﬁs) formed in the hydrolysis possesses negligible absorbance

at this wavelength compared with that of tetramethylthiourea.

With this assumption, Egn. (38) may be applied to the hydrolysis
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FIGURE 13 @
>
UV ABSORPTION SPECTRUM OF 1,1,3,3-TETRA-
% : METHYL-2- THIOUREA IN AQUEOUS SOLUTION AT
' - pH = 7
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- FIGURE 14
UV ABSORPTION SPECTRUM OF .DI-(TETRA-
METHYLFORMAMIDINIUM)DISULFIDE IN 0.4 M HCl
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FIGURE 15
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INFRARED ABSORPTION SPECTRUM OF DI- (TETRA-
METHYLFORMAMIDINIUM) DISULFIDE DIPERCHLORATE
AS NUJOL MULL
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*FIGURE 16

DECREASE IN pH CAUSED BY HYDROLYSIS OF
DI-(TETRAMETHYLFORMAMIDINIUM)DISULFIDE
DIPERCHLORATE IN DILUTE HYDROCHLORIC
ACID WITH AN INITIAL pH OF. 2.63
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FIGURE 17
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INCREASE OF THE » UV ABSORPTION AT

* 249 nm OF A 'DILUTE ACID SOLUTION OF

DI- (TETRAMETHYRFORMAM INE)DISULFIDE
DIPERCHLORATE DUE TO HiYDROLYSIS
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of di (tetramethylformamidine)disulfide diperchlorate with

appropriate values for molar absorptivities and concentrations,

®to yield .
dA, 49 d[fMD]t alTMT], '
dt - = 9946 ——-—-a-E—' + 18860 —'—"a"f"'—" = RO - (49) )

where TMD and TMT denote di-(tetramethylformamidinium)

disulfide diperchlorate and tetramethylthiourea, respectively.

¢

The rate of the hydrolysis reaction is defined by

, = - Ldlmmp] _ 1 dlTMr] _ d(T™MS] _
2 dt 37 4t , dt
(50)
= k; [TMD]™ [HC1]®
and from Egqn. (49).
dA, 49 a TMT n n
- T = 12200 -—a'{_-—— = 3 x 12200 kl[TMD] [(HC1] (51)

Ry
Rl

Thus, the order of the reaction in disulfide and acid can agéin

be determined by measuring the initial rates at which the
)

absorbance at 249 nm changes for different concentrations of

the disulfide and acid. With the Perkin-Elmer 402 UV-visible

spectrophdtometer in the time-drive mode, these initial rates

o




i

were recorded at 20°C for di~(tetrapethylformamidine)dighlfige
diperchlo;ate in HC1l of 5.00 x lO_3 M concentration for \
initial disulfide concentrations over the range 1.36 x J.O-'5

to 1.32 x 10" M (Table 6). The least—mean—squarés/slope of

a plot of 1n R, against 1n TMD | (Figure 18) was found to be
+,O.§5, which indicates that the rate of alkaline hydrolysis

of di-(tetramethylformamidine)disulfide diperchlorate is first

order in disulfide at constant pH, i.e. m=1 in Egn. (49).

Similar studies with a disulfide concentration of
ca. 0.600044 M,over a range of acid concentrations from

- - b
5.00 x 10 " to 5.00 x 10 X M and with a disulfide concentra-

tion of 0.00013 M over the range of acid concentra?ion from
5.00 x 107" to 15.0 x 10~° M (Tagle'7), gave a plot of 1n R,
against ln HCl_ with a slope of =1.0 (Figure 19).It may-be
inferred, therefore, that the reaction is also first-order

in hydroxide io%:

From the experimental data in Tables 6 and 7, with
-l
K, = 0.681 x 10 at 20°C, a value is obtained for
el -
k = (11.6 + 0.8) x 107 M 'sec”’

Tfable 8(Figure 20)shows values of the rate constant
i

=1
kT = 3k Kw , over the temperature range 20.0 to 40.0°c. From
-1
these data the apparent activation energy is 1.8 kcal mole
for the rate determining step. The corresponding change in

the free energy of activation with temperature yields an

entropy of activation of AS# = + 16 eu. (Table 9, Figure 21).




DEPENDENCE OF THE INITIAL RATE OF HYDROLYSIS ON THE
INITIAL DISULFIDE CONCENTRATION AT 20.0°C IN HCl OF
5.00 x 10~ M CONCENTRATION

TABLE 6

TMD RO_l

(M) (min )
020000136 0.00483
0.0000298 P 0.00950
0.0000466 0.0161
0.0000654 0.0214,
10.0000915 0.0295
0.000111 0.0325
0.000132 0.0437

(W
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FIGURE 18

VARIATION OF INITIAL RATE OF CHANGE OF

ABSORBANCE AT 249 nm WITH INITIAL CON-

CENTRATION OF TMD 1IN 0.005 M HCl AT
20.0°C -
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DEPENDENCE OF INITIAL RATE OF HYDROLYSIS OF DITETRAMETHYL-
FORMAMIDINEDISULFIDE DIPERCHLORATE UPON HYDROCHLORIC ACID
CONCENTRATION AT 20.0°C FOR INITIAL CONCENTRATIONS OF DISUL-

TABLE 7

FIDE OF 4.4 x 10™° AND 1.3 x 107" M

R
TMD HC1 o
° C Ro_1 1ln TMD
(M) (M)~ (min ') °©
- l1n R'
o
—%

0.0000440 0.000500 0.188 8.35
0.0000438 0.00100 0.0774 7.47
0.0000468 0.00248 0.0329 6.55
0.0000466 0.00500 0.0161 5.84
0.0001316 0.00500 0.0437 5.80
0.0001291 0.0100 0.0243 5.23
0.0001308 0.0150 0.0204 5.05

()
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FIGURE 19
VARIATION OF INITIAL RATE OF CHANGE OF
ABSORBANCE AT 249 nm WITH INITIAL CON-,
\ CENTRATION OF HC1l AND 0.000044 M TMDo

=> AT 20.0° C
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! *
TABLE 8
VARIATION OF THE OBSERVED RATE CONSTANT FOR THE HYDROLY-

SIS OF DI-TETRAMETHYLFORMAMIDINEDISULFIDE DIPERCHLORATE
IN HC1l SOLUTION WITH TEMPERATURE

T °k kl = 34K
) T1- 3 11Kw
M ‘sec’
293.2 (34.7+1.5) x 107
\
298.2 (39.3:1.4) x 107
303.2 (41.1+1.8) x 10’
308.2 (42.2%1.6) x 10’ k
313.2 (43.5+1.8) x 107

. oA
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ARRHENIUS PLOT OF THE RATE CONSTANT o
FOR THE HYDROLYSIS OF TMD OVER THE |
TEMPERATURE RANGE 20.0 TO 40.0° C. % .~
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TABLE 9 '

4
VARIATION OF THE FREE ENERGY OF ACTIVATION FOR THE
HYDROLYSIS OF DI-TETRAMETHYLFORMAMIDINE DISULFIDE IN
" HC1 SOLUTION WITH, TEMPERATURE

T K Q Ko M sec™ - act kcal mole”
293.2 (34.7+1.5) x 10’ . '5.69
298.2 (39.3+1.4) x 167 5.73
303.2 (41.1+1.8) x 10’ 5480
308.2 (42.0+1.6) x 107 R 90
31372 (43.5+1.8) x 107 5.99
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FIGURE 21

VARIATION OF FREE ENERGY OF ACTIVATION FOR

THE HYDROLYSIS OF TMD IN HCl SOLUTION WITH

TEMPERATURE v 6
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It is interesting to note that acidification of the alkaline
(pH = 9-10) soluti;n containing the hydrolysis products of
di- (tetramethylformamidine)disulfide renders it capable of
oxidizing thiourea to formamidinedisuifide éﬁd iodide to
iodine (87). This indicates the formation of an oxidizing
agent with reasonable stability, presumably tetramethylformami-

r .

dinesulfinic acid.

DISCUSSION

Three pqésible mechanisms pave been demonstrated
experimentally for the alkaline hydrolysis of organic disul-
fides. These involve a-elimination (88,89), B-elimination (83),
or direct nucleophilic displacemegﬁ of sulfur from .sulfur by
hydroxide ion (83,84,90). Th%‘mode of hydrolysis for a givgn
disulfide apparently depends on secondary features of its molg—

cular structure (91). l l

Although formamidinesulfinic acid could not be isolated
in the hydrolysis of formamidinedisulfide, the relatively high
yield of thiourea obtained indicates that the hydrolysis in
dilute acid involves direct attack of hydroxide ion upon the
disulfide bond. An alternative mechanism that would give rise
to 1.4 moles of thiourea per mole of disulfide does not

appear 1likely.

It has been shown that a negative charge on the di-

sulfide, not far removed from one of the sulfur atoms, inhibits
N [ ]

\ 1

o
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direct_nucleophilic attack of hydroxide on the disulfide bond,
whereas it is considerably accelerated by a positive charge

on a disulfide (83). This sudgests that formamidinedisulfides,
with poéitive charges directly adjacent to the disulfide bond,
should be much more reactive than neutral alkyl or aryldi-
sulfides. The inductive effect of the methyl groups in di-.
(tetramethylformamidine)disulfide~ could not greatly reduce

the activating effect of the positiva:cuarges.

Since steric effects in the methylated disulfide do
not seem to affect its reactivity with thiourea, neither should

they decrease its reactivity to hydroxide.

Danehy and Parameswaran (92) have shown that for
aromatic disulfides the rate of hydrolysis increases with
decreasing pK of the displaced thiol. Thus, (p-00CCsH4S-)2,
with a thiol pK of 5.85, has a half-life of 7 minutes in 0.125
N NaOH, whereas, the half-life of (o-MeCe¢Hu4S-)2 with a pK of
6.64, is increased to 24 hours under the same conditions.
Protonated thioureas have pKa vaiyes in the range -1 to
-2 (93,94), indicating that thioureas should be very good
leaving groups in nucleophilic displacement reactions. Tetra-
methylthiourea has a lower pKa than thiourea itself, so thaé
the former presents a better leaving group in a nucleophilic
displacement reaction. The observed higher rate of hydrolysis

of the di-(tetramethylformamidine)disulfide may be taken to

mean that steric and inductive effects on the disulfide
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reactivity are less important than the PK_ of the leaving
A

group.

4 AN
M,

Thé great dfeportance that the pK, of the leaving group
Ea i
exercises in determining the rate of hydrolysis may ‘be inter-
preted in terms of a rate determining sulfur-sulfur bond

cleavage in the transition complex

RZ I‘\\].Q-NRZQ

While direct nucleophilic displacement at sulfur is

the only possible mode of decomposition for di-(tetramethyl-

- ~
~—

formamidine)disulfide, the unsubstituted formamidinedisulfide
may undergo alkaline hydrolysis by two possible mechanisms.
In acid solutions (pH < 4) the hydrolysis apparently proceeds
by hydroxide attack at the disulfide bond, to form thiourea
and eventually formamidinesulfinic acid wHich’then slowly

decomposes.

NH, Nlﬂz NH2 NH,
G/:"C-S—S—C{@ + OH® - /c=s + @}C-SOH (52)
NH» NH 5 NH, NH,
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that it might involve displacement of the unfavorable |

leaving group

‘ by a sequence such as

76

NH; NQ:
A\ 0
. ®)Cc-SOH + OH © =~ /c-s/ + H20 (53)
e NH, ’ NH,
& N{Z NHZ N<2 ,/ﬁ<2 N
‘\\ I" 0 ’ '
@}c-s-s—c{@ + /c=s/ > C=S +
NH NH, NH2 NH2
(54)
. NH, O NH»
. N/
®:C-S-S—C"\®
NHz N\Hz
' NH, I? /NHz ) N{z /0 N{z
— ‘,Z“ y \\‘ /
@-,c—s-s-c(\@ + oH® @/;c-s + C=8 (55)
l’ ‘\ ,
. r/
. NH, NH: NH, OH NH:
%&'
b &
- On the other hand, the alkaline hydrolysis at
— ) Y pH > 5 appears to be more complicated, and it is suggegted

i
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NH2 NH NH, NH
\‘\ 4 e -+ ‘\
® .C-5-5-C,® + OH + ® C-5-5-C + H;0 (56)
’; \‘\ ’I ~
NH2 NH2 NH2 NH:2
/-<
NH,
6 |
+ C + H»0 (57)

(58)

The observed formation of hydrogen sulfide in
strong base is not explicable at present, and the reaction’
under these conditions is so fast that no kinetic studies

have been atteméted to elucidate the reaction mechanism.




THIOUREA COMPLEXES WITH COPPER SALTS
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INTRODUCTION

Numerous investigations have been made of thiourea
as a levelling and brightening agent during the electroplat-
ing of copper from acid copper sulfate baths. Little
attention has been given, however, to the reaction of thio-
urea with cupric sulfate, which ultimately produces form-

amidinedisulfide and cuprous-thiourea complexes. (95).

I

Complexes of thiourea with cuproﬁs'salts by reaction
of excess thiourea with the corresponding cupric salts were
first prepared and characterized in 1880 (96). Rathke (52)
obtained the first reliable analyses and gave very thorough

descriptions of many cuprous thiourea salts. His formula

for pentathioureadicuprous sulfate dihydrate as the complex

with cuprous sulfate was later confirmed by other workers(97,98).

Walter, Storfer and their associates (72,73,99-102)

P
i

claimed to find pentathioureadicuprous sulfate mdﬁohydrate

.
?

as the only thiourea complex with cuprous sulfate, but ¢
Nardelli and his co-workers subsequently proposed that the

salt was J'trihydrate (103) . They also described the prepara-

tion of a hexathioureadicuprous -sulfate dihydrate (103).
| J

- It s been demonstrated (76) that the concentrated
aqueous solhtions of cuprous-thiourea salts contain complex
species such as [CuaTus.H,0]2t and [CuaTue¢H:0]1?? whereas in

the presence of excess thiourea [CuTu~]+ is the predominant'
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species (74,75).

The formation of a white precipitate has been observ-
ed near the cathode (28) during electrolysis in acid copper
sulfate baths’containing thiourea, and small amounts of a
highly insoluble, colorless complex containing cuprous ions
and thiourea have been isolated. (38) Howe&er, no formula

could be derived for the complex from its elemental analyses.

-

In solutions of thiourea in acid copper sulfate, '
Hintermann and Javet (40) found a UV absorption band which
was not present in either of the constituents alone. On
the basis of available information, they assumed this band to
be due to a cuprous-thiourea complex without considering the ‘
possibility that it might be associated with a cupric-
thiourea species. It was argued that the necessary cup£ous
ions were formed by reduction of cupric ions, with con-

comitant formation of formamidinedisulfide.

Application of Job's method of continuous variation (104).
to mixtures of cuprous ions (method of preparation unspecified)

and thiourea apparently showed the new band at 340 nm to be

due to a cuprous-thiourea complex, Cu+.SCNzHg, with a maximum *
molar absorptivity of €,,, = 10% (105). This molar absorp-
tivity value, together with the data given by Job's method,
permits calculation of apparent association constants of 8.33,
7.75 and 2.35 for [Cu'] = [Tul of 0.0025, 0.0050 and 0.025 M

respgtively. These values are to be compared with an average
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€

association constant of K = 10* calculated from polarographic

)

data (74,75).

No attempt was made to elucidate the electronic
origin of the absorption band, but it was speculated that a
symmetry-forbidden electronic transition in thiourea was

‘

allowed in the cuprous~thiourea complex, due to a symmetry

lowering from sz to Cs'

For some time, the mode of coordination in metal-
thiourea complexes was considered oﬁen to debate and infra
red spectra were sometimes interpreted in terms of nitrogen
coordination. Ho@ever, cbordination'througﬁrsulfur is
favoured by data from diéole moment (106), dielectric
constant (207,108), and diamagnetic suséeptibility measure-

ments (109), which indicate considerable charge §g§§ration in

the thiourea molecule due to ionic resonance forms, with a

resonance energy of 27 kcal aale-l (110),
s . s ® s ©
I | | Lo
C +> C > C
/\ o/ \ /\@ ,
H,N NH > H>N NH» H:N NH, v

This view has also found strong support in x-ray
structure determinatjons of many metal-thiourea complexes(111-119)
which all contain sulfur coordinated thiourea as ligand. It

is a reasonable assumption, therefore, that any thiourea




-
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complexes with copper will contain sulfur coordinated thio-
urea as ligand. In view of this, the effect of protonation
on the 7 electron distribution and symmetry of thiourea

should be very similar to formation of complexes with

%

‘cuprous ions and should give rise to similar changes in the

electronic absorption spectrum (120). However, protonation
causes disappearance of the thiourea band at 236 nm and does
not result in the formation of new absorption bands in the

region 300-400 nm (121).

Javet and Hintermann demonstrated that sulfur was
the site of coordination by the observation that all
N-methylthioureas gave rise to maxima in the 340-370 nm

region (37), whereas, no such band was present when S-methyliso-

a

thiourea derivatives were added to the plating Bath.
~

&

The preparation of cupric thiourea complexes has

. \
recently been reported, which renders untenable the belief

" that such complexes are not capable of existence (74), 1In

these mixed complexes of m-acceptor ligands and thiourea
with copper I1I, ghe stabilization of the cupric state is
probably due to the strong chelating abiiity of the ligands
with = bondigg from metal to ligand which produces some
electron delocalization in the chelate ring (119,122).
Dichlorobis-(tetramethylthiourea) copper (II) has also 'been

prepared, but no reason was advanced for its stability (118).
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EXPERIMENTAL AND RESULTS

Eguigment

e Spectra were recorded on a Perkin-Elmer 402

UV-visible spectrophotometer fitted with a thermostatted

cell holder.

Analyses for C,N, and H were made with a Hewlett-
’

Packard 185 CHN-analyzer, while cupric ion was determined by

EDTA titration with murexide as indicator. \\

Potential and pH measurements were made relative
to a saturated calomel reference electrode, using an Orion
model 701 digital millivolt/pH meter. An Orion model 94-=29 -

cupric ion electrode was used for the measurement of cupric

ion activity. .
Materials

Water used in preparing all solutions was deionized
and distilled. Thiourea (Baker analyzed reagent) and
tetramethylthioufea (Eastman) were used without further
purificatioh. Sulfuric acid (Anachemia, reagent grade, 96%)
was used as supplied, but cupric sulfate pentahydrate ‘(Fisher
certified reagent) was once\recrystallized from acidified

distilled water to minimize insoluble impuritiés.

)
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PREPARATION OF TRITHIOUREADICUPROUS SULFATE MONOHYDRATE

«

When thiourea (0.003 to 0.08 M) was dissolved in
the acid copper sulfate electroplating bath (0.50 M CuSO,,
1.00 M H;504), a green color appeared, which faded during a
period (one to several hours) that depended on the concentra-
tion of thiourea used. A precipitate of white; microscopic
needles was obtained as the product of this reaction. This
compound was found to contain cuprous copper, thiourea and
sulfate ions, but the copper content (approximately 26%)
indicated that it was not the pentathioureadicuprous sulfate
dihydrate described in the literature (19.83% Cu). Several
samples of the white needles were prepared in a nitrogen
atmosphere for a range of thiourea concentrations in 0.5 M
CuSOy 1.0 M H2SO. (Table 10). At concentrations of thio-
urea below 0.01 M no solid complex was formed within 24
hours, affhough small amounts were precipitated afte; approxi-
mately 72 hours. However, when metallic copper was immersed
in ‘these solutions, the formation of white needles was
observed on the surface of the copper after a few hours. The
same analyses were obtained for the complex formed in the
presence and in the absence of ﬁetaklic copper (Table '11).
The anglyses would seem to correspond to trithioureadicuproué
sulfate monohydrate, Cu:Tu3SO4H.0, in accordance with the
observation that in the concentration range 0.?5 to 0.10 M
thiourea, the yield of complex approaches that,expected for

monohydrate formation by the reaction A

3D




TABLE 10
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YIELD OF Cu,Tu3SO4H0 AFTER 24 HOURS AS A FUNCTION
OF INITIAL THIOUREA CONCENTRATION IN 0.5 M CuSO, 1.0
M H,50, AT 25°C UNDER N

3

. $ yield of Tu as
[Thlgurea]o wt Cuzgussogﬂzo CuaTu 180 H,0
ot —
0.0763 5.1795 51.0
0.0443 2.6846 45.5 ‘\>
0.0254 1.2346 36.6
0.0195 0.5768 22.2(4$
\ ®

0.0149 0.2443 12.3

o *
0.00997 0.0000 0.0 -
0.00677 0.0000 0.0
0.00369 0.0000 0.0 !
0.00281 0.0000 0.0

* Dilute solutions of thiourea in acid copper sulfate also
precipitated the above complex, but the time required to
® do so was much longer, e.g. -2 weeks for 10-* M thiourea.
\

[
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. 2 CuSOy + 5 Tu * Cu2804.3Tu.H20 + (H4N2CS-) 2504 (59)
S

This cuprous thiourea complex was insoluble in all common
solvents, but seemed to dissolve to some extent, in concen-

trated nitric acid at’ 50-60°cC.
ét

v When the complex was hydrolyzed by heating with 1 N
oo (

NaOH, black crystals of cuprous sulfide (79.9% Cu) were

“ formed (123). The yield of cuprous sulfide (33.5 to 34.3 wt

{ . . .
;k of the complex in four determinations) corresponded to

¢

. that expected for the proposed monohydrate formula (33.89%).

’

Yl The complex was soluble in aqueous thiourea solutions

sulfate dihydrate (c.f. Table 11 for analytical data).

The complex Cu;Tu3SO4H20 became érey at about

and melted with decomposition at 235°c. The infrared AFiqure 22)

The V; m;de of soi at
in the infrared whereag, it was one of the strongest bands
observed in the Ragan spectrum, as expected for a Td symmet-
ric"stretching mode (124). Thus, if tetrahedral coordination
is requireﬁ for each cubrous ion, the basic formula unit

would have to be CunuskSOu)z.ZHzO, since this is the smallest

grouping in which tetrahedral coordination can be achieved
?

. . by the available thiourea. Such a structure would involve all




TABLE 11

ANALYSES OF CUPROUS-THIOUREA 9pMPLEX

Sample? % Cu % S % N s c | s H
(M)
0.0763 |,26.12 | 26.32° | 16.10° | 7.51° | 3.17°
0.0443 26. 40 27.57 18.04 7.98 3.19
0.0254 26.24 26.89 17.58 7.72 3.13
0.0195 26.09 27.18 17.98 7.81 2.84
0.0149 26.43 26.61 18.20 8.11 3.10
0.00159° | 26. 35 27.05 8.01 3.23
0.000965 | 26.19 26¥ﬁ4‘ 7.85 3.13
- Average 26.31 26 .87 7.64 3.12
+0.25 +0.44 +0.20 +0.20
Calc s ‘2¥\QZ\\ 27.76 7.67 2.98
‘\\
Recrystall- ) 7
ized from 19.47 21.22 9.27 3.54
Thiourea
. \
Calculated®] 19.86 21.88 9.38 3.75
/4

Y

a) concentration of thiourea 1n standard electrolyte from
which complex was isolated.

b) values by Schwarzkopf [Microanalytical Laborétory
c) prepared in the presefice of metallic opper

d) calculated for Cu,;Tu/3SO4.H20

e) calculated for Cu2TUsSO4.H20



FIGURE 22

INFRARED ABSORPTION SPECTRUM OF
’ Cuz2TusS04.H20 AS KBr DISK
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FIGURE 23 -

RAMAN SPECTRUM OF Cu;Tu3;SO4H,0*

88

*

Determined by Dr. G. Barna,
Pepartment of Chemistry
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b

the thiourea sulfur atoms in electron-deficient three-center

I

bridging bonds of the type CuI-S-Cu » -but such bonds are a

known possibility (115-117). The Raman spectrum also-éhowgg\ .

-1 1 N
a sharp, strong band at 250 cm which can be assigned to a 7

Cu-S stretching..mode (125,126).

IDENTIFICATION OF THE SPECIES RESPONSIBLE FOR
THE ABSORPTION MAXIMUM AT 340 nm

In agreement with Hintermann and Javet (37) it was
found that an absorption maximum at 340 nm appeared when thio-
urea was dissolved in acid cupric sulfate solutions initially
free from cuprous ions. Since the band had been attributed
to a cuprous-thiourea ion, it seemed reasonable that a solu-
tion of CuTuCl.1H,0 in dilute sulfuric acid should show'the
same absorption band. However, it was found that neither
CuTuCl nor CuTu;Cl showed an absorption maximum in this
region, although appreciable absorbance due to‘a peak at
236 nm was observed. This would seem to indicate that the

absorbance maximum at 340 nm might not be due to a cuprous

thiourea species.

The reaction between thiourea and cupric salts to
give formamidinedisulfide and cuprous thiourea complexes is
quite rapid, as evidenced by the apparently instantaneous
reduction of CuSO« (0.5 M CuSOs4,1 M H2SO0s) by thiou;ea
(0.5 M Tu, 1 ﬁfﬁzSOu). Nevertheless, it was considered

possible that the absorption maximum at 340 nm might be due

'

<

e
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v

to a cupric-thiourea complex formed as an intermediate in the
redox reaction. Since the reaction was very fast, the rate
at which thiourea and copper sulfate solutions were mixed

became a critical variable in any attempt to study the system.

When small volumes of concentrated thiourea solution
were added to concentrated aqueous copper .sulfate, there
inevitably occurred a mixing zone that contained a higher
concentration of thiourea than the final solutiogx This was
probably responsible for the irreproducible absorbance-time
behaviour observed under such conditions in the 300-400 nm
range. However, the absorbance~time curve at 340 nm generally
passed through a slight maximum, as reported by Hintermann

and Javet.

When dilute thiourea solutions (< 5 x 107 M) were
-added to well agitated copper sulfate solutiéns, the absorbance-
time behaviour at 340 nm no longer showed a maximum and became
reproducible. This was interpreted as the rapid establishment
of a quasi-equilibrium concentration of the species res-
ponsible for the absorption maximum at BQO nm, followed by a
sloﬁ reaction that subsequently caused its depletion. Owing
to the slow decrease of this quasi-equilibrium concentration
with time, it was possible to determine the nature of the
species\involved, together with i#s extinction coefficient

and stability constant.

0




The method developed by Job (104) was used to
determine the copper-thiourea ratio in the complex. For the

*
equilibrium
mA +nB = A B (60)

m n

/
it has been shown (127) that a curve expressing the concen-
tration of the complex, or a quantity proportional to the
i -

concentration, e.g. absorbance, as a function of the mole
p .

fraction of ligand X =E_%6* , (where cy represents the’
A "B ¢
concentration of species i) exhibited a maximum for x = 2,

m+n

It is possible, therefore, to determine the ligand-metal

ratio for a complex which obeys Eqn. (60), with an equili-
brium constant s

(A, B,]
(a7"(B1"

(61)

Ry

If C represents the constant total concentration of re-

actants (C = C, + CB) and x -the mole fraction of ligand,

A
the equilibrium concentrations of A and B may be

written

[A] C(l-x) - m[A B ] (62)

(B]

!

Cx - n[AB 1 | | (63)

Hence

*
Job studied systems for which m =1

v

s ’
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L)

£ (A8 = (Cl-x) -m [AB D™ x-n [AB D" (64)

Substituting [AmBn]/(Z= Y, Egqn. (64) may be -written

RPN PN : S 1 _ : (65)
f(x,y) (1-x-my) gf ny) T y =0
Differentiating Eqn. (65) with dfé:' ) - 0, yields
f
X = ﬁgﬁ for the maximum in the curves of variation. For

m=n=1 and x=0 or x=1, the derivative of Egn. (65) becomes

g))% =t 1 (66)
1l + <c

However, for m=n>1, the derivative becomes §¥ = 0 for x=0
or x=1. Thus, if a maximum at the mole fraction x=0.5 is
obtained in a plot of absorbance against mole fraction, the
presence or absence of inflections and the form and gradients
of the curves for values of x near zero may give informa-
tion about £he group of 1l:1 complex present (i.e. 1l:1, 2:2
or possibly even 3:3). A curve which exhibits inflections
and is parabolic for values of x near zero fnd one, and
;ﬁich has zero gradient at x=o,oand x=1, indicates the
presence of a complex with m=n>1., On the other hand, the
absence 'of inflections and parabolic portions; together with
a finite gradient at x=o0 and x=1, indicate a complex with

=n=1,
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¢

The method of continuous variation was applied to
mixtures of cupric sulfate and thiourea in 0.1 M H,SO, for
¢=0.007, 0.010 and 0.020 M(Figure 24)Tables 12-14) and also
in 0.1 M H2S04, 0.9 M (NH4)2S04, for C=0.010 and 0.020 M

(Tables 15, 16). ~ ~— ST

The maximum at x=0.5 and the finite slope at x=o
and x=1 clearly indicate the formation of a complex between
cupric sulfate and thiourea, with m=n=1. The effect of

r
ammonium sulfate on the curves will be discussed later.

In application of the mole-ratio method, the total
concentration of cupric sulfate was kept constant while the
total conéentration of the ligand was increased. Conversely,
the total ligand concentration may be held constant while
the total metal ion concentration is increased. 1In the
former case, the absorbance due to the complex is plotted as
a function of the total ligand concentration. If only one
complex of high stability is formed, the graph consists of
two linear intersecting .arts: However, as the magnitude of

the stability constant decreases, the break in the curve

becomes more uncertain. .

For cupric sulfate and thiourea in 0.1 g HZSOu
the curves show noe sharp break, an indication that the complex

has a low value for its association constant (Figure 25, ;

Tables 17-19).
l*




FIGURE 24

ABSORBANCE OF COMPLEX AT 340 nm FOR
DIFFERENT MOLE FRACTIONS OF THIOUREA IN
0.1 M SULFURIC ACID SOLUTION ‘
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TABLE 12
; | /,
ABSORBANCE OF COPPER COMPLEX AT 340 nm FOR /

DIFFERENT MOLE FRACTIONS, X, OF THIOUREA WITH //

C=0.007 M IN 0.1 M H,SO, AT 25°C /
s - ‘
X A340 K alc (€34073300)
0.10 ~0.0339 2.41
0.20 \ 0.0548 - b 2.19
0.40 0.0852 : 2.27
0.50 0.0917 2.34
0.50 0.0893 ' 2.29
0.60 0.0856 - i 2.28
0.80 0.0572 2.29
0.90 0.0297 2,11
3
&
v , "‘
K _=2.27 + 0.18
av .

i
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TABLE 13

—~——

ABSORBANCE OF COPPER COMPLEX AT 340 nm FOR
DIFFERENT MOLE FRACTIONS, X, OF THIOUREA WITH
C = 0.010 M IN 0.1 M H2S04 AT 25°C_ -

’

X R340 - Kca1c(844073300)
0.10 0.064 - 2.44
0.20 0.108 2.13
0.30 - 0.145 2.18
0.40 e 2.15
0.50 - 2.20
0,60 s € 2.17
0.70 8,145 2.18

\ Coeei o
0.80 0.112. <.l
0.90 * l0.067 2.35
N
Koy = 2:20 ¢ 0.14

-

£ °
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TABLE 14

ABSORBANCE OF COPPER COMPLEX AT 340 nm FOR
DIFFERENT MOLE FRACTIONS, X, OF THIOUREA WITH
C = 0.020 M IN 0.1 M H,SO4 AT 25°C

i,
s

3

X A3z40 Kcalc(€340533ba)
0.10 ) 0.240 2.10
0.20 ©0.420 2.07
0.30 0.521 1.95
0.40 0.551 e 1.80
0.50 0.532 1.66
0.60 0.468 1.52
0.70 0.372 1.37
0.80 1 0.290 1.41
0.90 0.172 1.49

K

H

av -

1.71+% 0.32




TABLE 15

\

ABSORBANCE OF COPPER COMPLEX AT 340 nm FOR
DIFFERENT MOLE FRACTIONS, X, OF THIOUREA WITH

98

C=0.010 M IN 0.1 M H2504 0.9 M (NH4) 250,
' AT 25°C
X 2340 Kca1c(€34073300)
0.05 0.020 1.30
0.10 0.053 1.82
0.20 0.083 1.60
0.30 ¢ 0.109 1.60
0.40 ‘ 0.120 ) 1.54
0.50 0.125 1.54
0.60 0.121 1.55
0.70 0.110 1.61
0.80 0.087 1.68
0.90 0.053 1.82

K,, = 1.55 ¢ 0.26
)
-\,J}
S

£
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. TABLE 16

. ABSORBANCE OF COPPER COMPLEX AT 340 nm FOR *-
DIFFERENT MOLE FRACTIONS, X, OF THIOUREA WITH '
C=0.020 M IN 0.1 M H2SO4 0.9 M (NH3) 2504

. Y

, ar 25%
, L
’ X R340 Koalc(€34073300)
}

0.10 0.290 2.57

0.20 0.421 2.08
0.30 0.504 1.89
0.50 0.522 1.63 |

0.60 0.510 | 1.67

0.70 0.347 1.70

\ 0.80 0.376 1.85

0.90 - b 0.260 2.29

K =1.96  0.58

., v
o (-
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The dilution method developed by Sanioto and

Cilenti (128) was applied to the system to determine K

eq
»ang €340°
For a weak complex formed by -the reaction
A+B=2C . (67)
the equilibrium constant is
gk = LC1 (68)

[?][B]
{

m, denotes the number of moles of species i

in the solution of volume V, i.e. [Xi] = Vl , the

—~

equilibrium concentrations of the individﬁal species for

N\

the condition mg >> m, > m,, may be written

-

[a] = ,Av < (69)
Mg™Mc ™
o mC _ AA
[c] = Tl (71)

In Egqn. (71), AA.is the obrrected absorbance due to
the complex at the wavelength A, and €y is the molar absorp-
tivity of the complex at that wavelength. Substituting

these values into Egqn. (68), and rearranging,

* { gﬁ




FIGURE 25

€

MOLE RATIO METHOD APPLIED TO COPPER
SULFATE AND THIOUREA IN SOLUTION OF
0.1 M SULFURIC ACLD

Legend
o - [Tu] = constant = 0.005 M, B = [CuSO,]
A -[{CusO,]= constant = 0.005 M, B = [Tu]

-



1 A

0010

S 5
WU Q€ 3 92UBqUOSqYy

0005

(M)

e
et |
CIY



| 102

TABLE 17

ABSORBANCE OF COPPER COMPLEX AT 340 nm FOR

DIFFERENT TOTAI CONCENTRATIONS OF COPPER SULFATE

WITH A TOTAL THIOUREA CONCENTRATION OF 0.005 M
IN 0.1 M H2SO, AT 25°C

B R340 Keale
0.0010 e —
0.0020 . 0.067 1o
0.0030 Lol e

| ' a
0.0040 o -
0.0050 - ( 0. 163 =
0.0060 - "
0.0070 0.225 o1
0.0080 0.254 2 o1
00099 0.280 o
0.0100 a0 - o
l , .@ ', 0 Q{E}
K,y = 2.04 + 0.10
Q; _
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TABLE 18 .

ABSORBANCE OF COPPER COMPLEX AT 340 nm FOR
DIFFERENT TOTAL CONCENTRATIONS OF THIOUREA WITH
A TOTAL COPPER SULFATE CONCENTRATION OF 0.005 M

IN 0.1 M H2S0, AT 25°C y
: J
[Tu) B340 Kcalc(®34073300)
0.0010 0.030 1.87
0.0020 0.065 ¢ 20
0.0030 0.101 1 2.11
0.0040 0.137 L 2.16
0.0050 0.166 2.09
0.0060 0.197 2.07
0.0070 0.238 215
0.0080 0.268 2,13
0.0095 0.286 1.91 "
K, = 2.06 ¢ 0.10
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TABLE 19
ABSORBANCE OF COPPER COMPLEX AT 340 nm FOR
DIFFERENT COPPER SULFATE CONCENTRATIONS WITH
A TOTAL THIOUREA CONCENTRATIQN OF 0.00205 M
IN 0.1 M H;SO4 AT 25°C
o
[CuSOs ] R Y K opy o (€340=3300)
0.005 0.075 ©2.30
0.010 0.146 4 " 2.26
0.020 0.272 2.14
0.050 0.600 1.99
- R
\\\‘0.125 1.290 1.93-
-4 .

s
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AV
K mp Mg - Kmy =2 il (72)
v? v? )
‘ €
Multiplication of this last equation by iV gives
A
Ke, m
- _ A "a "B

If my and m, are kept constant and the absorbance, AA’
of the complex determined as a function of the volume of
the solution, the association constant and molar absorptivity

may be determined from a plot of V against VAT
A
The data for optimum concentrations of copper
sulfate and thiourea are shown in Table 20, and plotted in

Figure 26.

From the least-mean-squares line, values of K = 2.37
and €340 = 3320 were obtained, with an estimated error of
t 58. The same method applied to copper sulfate and thiourea
1

in 0.1 M H>SO4, with (NH4)2S04 (0.9 M) present, gave K = 1.43

and €340 = 3340 (Table 21).

-~

@
The lower apparent association constant in the
presence of ammonium sulfate may be explained by a shift in

the equilibrium

24 = :
+ =
Cuaq S04 aq CuSOA.aq (74)
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FIGURE 26

4 DILUTlgg METHOD APPLIED TO CUPRIC SULgATE
(5 x 10 MOLES) AND THIOUREA (6 x 10 MOLES)
IN 1.0 M SULFURIC ACID SOLUTION
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TABLE 20 .

ABSORBANCE OF COPPER COMPLEX AT 340 nm FOR
DIFFERENT TOTAL VOLUMES OF SOLUTION CONTAINING
5 x 10 ® MOLES TOTAL COPPER SULFATE AND 6 x 10
MOLES TOTAL THIOUREA IN 1.0 M H,SO, AT 250C°

v A 1
(%) 340 VAi40
0.0110 0.950 95.7
0.0115 : 0.870 100.0
0.0120 0.830 100.5
0.0125 0.790 101.3
0.0130 0.730 - 105.4
0.0135 0.700 105.8
0.0140 0.650 109.9
0.0145 0.600 115.0
0.0150 0.575 116.0
0.0155 0.556 116.0
0.0160 0.531 117.6
0.0165 0.505 120.0
0.0170 0.486 121.0
0.0175 0.457 125.0
‘ 0.0180 0.444 125.1
0.0185 . 0.419 129.0
_0.0190 0.395 133.1
0.0195 0.393 T | "130.5
% 0.0200 0.380 131.6

1

LMS line V= - 0.01185 + 0.0002364 ———
. VAj40
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TABLE 21 °

ABSORBANCE OF COPPER COMPLEX AT 340 nm FOR
DIFFERENT TOTAL VOLUMES OF SOLUTION CONTAINING_
1 x 10°® MOLES TOTAL COPPER SULFATE AND 1 x 10
MOLES TOYTAL THIOUREA IN 0.1 M H,SO,, 0.9 M
.(NHy) 2 SO, AT 25°C -

v A 1 K
340 —_— calc.

(%) VA340
0.0110 0.349 260 1.45
0.0130 0.248 310 - 1.41
0.0141 0.220 322 C1.47
0.0150 0.191 349 1.43 .
0.0170 0.149 395 1.42
0.0210 © 0.098 488 1.40

N\
{
I
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Since HSO, is a weak acid;lthe solution containing
(NH4) 2S04 has a higher concentration of soi than sulfuric
acid solution of equal total sulfate concentration. Conse-
quently, there should be fewer free cupric ions in the

presence of added (NH4) 2S04 than in its absence for given

., sulfuric acid concentration. The concentration of a weak

complex of thiourea with free cupric ion should therefore be
decreased in the presence of ammonium sulfate. The observed
decrease in concentration of the complex that absorbs at

340 nm with addition of (NH4) 280, is therefore in accord with

a cupric-ion-thiourea complex, rather than a neutral cupric

sulfate-thiourea species. ,

— @,{}‘
Values of the equilibrium constang$xk, were also

calculated by evaluating the concentrations of the complex

from its molar absorptivity, €;,, = 3300 M'cm™'. The

values obtained were K =2.2 t 0.2 for sulfuric acid_media and
K= 1.6 * 0.2 when ammonium sulfate was present. The

consistent values of K obtained over a wide range of

A

concentrations }gnd support to the view that the band (Fig. 7)
-3 I" * LY \ g_:rh?{

is due to a cupric thiourea complex, rather than some other

species.

- ~

An attempt was made to determine the equilibrium
constant for the formation of the Cu?’* - thiourea complex

from the low intensity absorption (5800 = 12) dug\;; coppér

sulfate in the long wavelength region. Unfortunately, it S



FIGURE 27 .

UV ABSORPTION SPECTRUM OF THE CUPRIC ION-
THIOUREA COMPLEX WITH MAXIMUM ABSORBANCE
AT 340 nm B
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was not measurably affected by the presence of small concen-
trations of thiourea, and no estimate of the equilibrium
constant was possible. However, the behaviour supports the

view that- the complex has a low stability constant.

An attempt was also made to determine the change in
the activity of the cu?? ion with a cupric ion electrode
(Orion, Model 94-29) when thiourea was added to a solutian
of cupric sulfate (10 *to 10°° M) in 0.1 M H;SOs. However,
the potentials appeared to bear no éelation to cupric ion G

activity, and this was also true when the potentials at a

copper foil electrode were measured.

From the time dependence of the absorbance in the
range 280 to 370 nm and a knowledge of the molar absorptivities
of cu?? SCN2Hs, SCN2Hs and formamidinedisulfide , it was
concluded that, at time t > 0, the absorbance in the region )
below 340 nm was too large and increased too rapidly to be
accounted for by the above species only. However, since it
had been shown earlier that the compounds CuTuCl and
CuTu;Cl in sulfuric acid solution possess considerable absorb-
ance in this region, it was co§sidered that the absorbance
which could not be accounted for could be due to a cuprous-

-

thiourea complex. Thug, at time t > 0, the observed absorb-
N P

ance' at 340 nm was a ‘superposition of absorbances due mainly

to the complexes [Cp+TuJ and [Cu2+Tu]. This makes an exact

interpretation of the absorbance at times other than t = 0
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%

impossible, since the molar absorptivity of the complex
Cu+SCNqu in this medium was not knowP and could not be
estimated unambiguously. This superposition of absorbances
would seem to explain the complex absorbance-time behaviour
found by Hintermaﬂn and Javet and in the present work under
conditions where significant reaction occurs during mixing
to give cuprous-thiourea complexes.

PREPARATION OF DICHLOROBIS (TETRAMETHYLTHIOUREA) <
COPPER II

When an aqueous solution of 1,1,3,3—tetramethyl—'
2-thiourea (TMT) was added to an aqueous solution of a cupric
salt (sulfate, chloride, perchlof9te, nitrate or acetate) a
deep red color developed immediately and faded withiq a few
seconds when the solution was shaken. From the UV spectrum
of an appropriately diluted solution of TMT in acid cuﬁric
chloride, it was apparent that the TMT was rapidly and
completely oxidized to di- (tetramethylformamidine)disulfide.
It would seem that the red color that appeared when the
solutions were mixed may be attributed to an absorbance band
of a cupric ion- TMT complex, and that the color faded when
rapid reaction occurred to give the disulfide together with

cuprous ions that were oxidized by atmospheric oxygen.

Analogy with the corresponding cupr{c—thiourea
reaction suggests that, if the reactants are mixed in

initially neutral aqueous solution, the disulfide formed by

4 2
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oxidation presumably undergoes rapid hydrolysis to regenerate
TMT. In the cycle of oxidation and hydrolysis reactions

that ensues, the hydrolysis is inhliibited by the accompanQing
decrease in pH. It is possible to break this cycle in
concentrated solution by precipitation of the solid complex
CuCl,.2TMT and it was, in fact, prepared by this method (118)

before the oxidation-hydrolysis cycle was recognized.

When solutions of TMT and cupric chloride in iso;
propanol were mixed, the red color of the -complex did not
fade and a crystalline precipitate of deep red needles
(mp 114-116°C) was obtained (c.f. Table 22 for analyses) .
The solution Eetained its red color for more than five days,
indicating a drastic decrease in the rate of the rapid redox

reaction relative to ‘that which occurs in agueous solution.

The absorbance of the solution of TMT and cupric
chloride in isopropanol showed a complex behaviour. There
appeared to be twq overlapping absorption bands at 410 and
520 nm, with residéél absorbance extending to approximately
700 nm. The obse}véd red color of the solution was undoubfed-

ly due to the broad complex band, combined with a decrease

in the inﬁénsity of the long wavelength absorbance of .CuCl..

It ﬁhy be suggested tentatively that the effect of
TMT concentration on the absorbances at 410 and 520 nm, at
constant CuCl, concentration, might reflect the presence of

a species such as CuCl,.TMT that is mainly responsible for




TABLE 22

A REACTION OF CUPRIC CHLORIDE W%TH TETRAMETHYL-
THIOUREA IN ISOPROPANOL AT 25 C.

114

CuCl; ‘ tetramethyl Cuélz.ZTMT CuClz2.2TMT
millimole thiourea millimole. (9)
millimole :
&
1.00 5 1.00 . 0.2233
1.00 2.00 0.83 0.3299
1.00 3.00 0.84 0.3329
1.00 4.00 0.80 0.3171
"
B. ANALYSIS OF CuCl,.2TMT
Element~% Found Calculated*
Cu 16.00 15.93
c 29.86 *3‘0.09
H 6.10 6.02
Cl 18.03 17.717
{

* Calculated values are for CuClz.2TMT

mol.wt.

398.90

bl




the band at 410 nm, and a second species such as CuCl,.2TMT

that is responsible for the absorbance at 520 nm with higher
TMT concentrations. (Figures 28,29 ,Table 23). The complica-
tions appeared to be too formidable to attempt a‘quantita-
tive interpretation of the system. It might well be that
actions in solvents of low ionizing iaower might permit B
isolation of tetra-N-alkylthiourea complexes with cupric
salts, but the subjecti was not pursued further, since it did

not seem relevant to any practicable aspects of copper

electrodeposition.

DISCUSSION

On the basis of the experimental evidence obtained,
it would seem that the band observed by Javet and Hintermann
in solutions of thiourea and cupric sulfate, and attributed

by them to a cuprous-thiourea complex, is in reality due to

a cupric-~-thiourea complex. y

McAuley and Gomwalk (78,79) have claimed that
formation of significant concentrations of me;al-/t;hiourea
complexes as intermediates in the metal ion oxidation of
thjoureas is unlikely under acid conditions such as used in
the present study. This argument is based on a pKa of
+ 2.03 (129) for the conjugate acid of thiourea, which is
to be compared with a value of - 1.2 (93,94), confirmed in

-

the present study.
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' " TABLE 23

EFFECT OF TETRAMETHYLTHIOUREA CONCENTI}I..\TION ON THE
SPECTRUM OF ITS SOLUTIONS WITH 2 x 10 M CuCl; IN

ISOPROPANOL
.
[Tz'r] (A410)obs. (A520)°bs'
T
0.00000 0.042 0.000
0.00010 0.056 0.010
" 0.00020 0.072 0.014
. 0.00030 0.074 0.016
o )
2 0.00040 0.074 0.018
'éx 0.00100 0.076 0.026
0.0020 0.080 0.032
0.0030 0.074 0.034
l:?‘
e #} r




FIGURE 28

ABSORPTION SPECTRA OF ISOPROPANOL SOLU- _
TIONS CONTAINING CUPRIC CHLORIDE (2 x 10
N AND TMT

1) [TMT]

0.0002 M

2) [TM™MT]

0.003 M

A

M)
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FIGURE 29

VARIATION WITH TMT CONCENTRATION OF
~r———— _THE ABSORBANCES AT 410 AND 520 nm OF
'ISOPROPANOL SOLUTIONS CONTAINING CUPRIC

CHLORIDE (0.0002 M) ‘
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In aqueous solution of cobalt II to which thiourea
has been added, a band at 323 nm has been attributed to a
charge transf;r band of a cobalt II - thiourea complex’ (130).
It has also been shown that N-alkylthioureas and iodine in
dichlo;omethane solution show charge transfer bands in the ;?
region 310 nm (131). By analogy, it may be assumed that the N
band observed at 340 nm in thiourea-copper sulfate solutions
is a chérge transfer gand corresponding to the transfer of
an‘electrop fro? ;h% thiourea sulfur atsm (donor) to the
cupric i?? (accepto%). THe most elementary theory of
chargé transfer complexgs predicts thag, for such complexes
with a giﬁen acceptor, the frequency of the charge transfer
band shoul ‘depend linearly on the ionization potential of .
the ligand (132). Thﬁs, assuming hydration, stereochemistry,
bond strength and similar factors to remain relatively
constant, N-alkyikhioureas in copper’ sulfate solution should -

give rise to charge transfer frequencies linearly related to

the ionization potentials of the thioureas.®
7

m@wet (133) have determined A,

values for solutions of various methylsubstituted thioureas in
.. % , C ,
acid copper sulfate, and. the correspondifig ionization: poten-
A o
tials have, been determined independently (134). -The values »

ax

(Table 24, EiguerBO)-show a reasonably linear correlation, &f
an indication that the éssignment of these bands as charge- ’

transfer bands in‘sulfu#-coordinatgd cupric ion-thiourea ‘

- ¢ L4

complexeés.is correct. |

i o
I / .
N \\ / / )fﬂ

’ -~
> ‘. » =
[ 4 K
. -
- -~
v
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- In agueous solution these cupric-thiourea complexes

are intermediates in the reaction to give cuprous-thiourea

by .
complexes and formamidinedisulfides according to the sequence

h hv
+ . C.T. ® N )
Cu? + SCN2Hy = a[cu2+ SCN2H, ] + [Cu ?CNZH:,] &
I:JHZ NHZ ®
\\ / , dimerize + cu®
® |C~S-5-C! ® ‘ [.SCN2H4] Cu
NH; ‘ﬁuz , 1 complex

With cupric chloride and tetramethylthiourea in iso-
propanol, the complex presumably must form with unionized
cupric chloride. The Low ionizing power of the solvent
appears too.weak to overcome coulombic attraction forces in

Lthe dissociative inner complei Cuc1zefc%CNzMeu, which,

therefore, reverts to the associative outer complex

1

- Cu Clz.SCNZMég. On the other hand, the redox reaction can

proceed in aqueou$ solutions- as ity does for thiourea, itself.

.Dimerization of the isothiouronium ion radicals to give

‘ RVanN
formamidiniumdisulfides occurs in spite of the colombic
repulsion forces, posslbly because of the relatively large
size of the ions involved (135). C§
vow L L3 s
% N , S
)
L. ’ ";\ ’ °
o o 4
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TABLE 24 '
RELATION BETWEEN A_ (v max) FOR CUPRIC ION-THIOUREA -
COMPLEX ION AND IONIZATION POTENTIALS FOR THE CORRES- _
N \\
PONDING THIOUREAS T
Ligand ngsnd I.P. Viax C.T.
kK
NH, .CS.NH; o 8.50 + 0.05 29.4
NH2 .CS.NHCH 3 B 8.29 * 0.05 29.0
NH, .CS.N(CH3), 8.34 * 0.05 - 28.7
CH3NH.CS .NHCH; 8.17 * 0.05 29.0
W)
CH3NH.CS.N(CH3) 2 7.93 * 0.05 28.2
(CH3) 2N.CS.N(CH3) 2 7.95 ¢ 0.05 27.7
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FIGURE 30

RELATION BETWEEN THE IONIZATION POTENTIALS
OF VARIOUS SUBSTITUTED THIOUREAS AND THE
FREQUENCIES OF THE CHARGE TRANSFER BANDS OF
THE CORRESPONDING THIOUREA COMPLEXES WITH
CUPRIC  ION IN AQUEOUS SULFURIC ACID

R




29000

(cm™)

28000

(A9)

850

|eljualod uoljeziuoj

1%



LuasdN
“ s

e

7

~

RIRYINES R
*

ELECTROCHEMICAL BEHAVIOUR OF FORMAMIDINE-
DISULFIDE AND COMPLEXES OF THIOUREA DURING

ELECTRODEPOSITION OF COPPER

¥

.

re
N




" ’ 123

' INTRODUCTION

Changes in the overpotential caused by thiourea
during deposition of copper from acid copper sulfate solu-
tions have been studied for both unstirred (convective

mixing) and stirred (rotating disk electrode) conditions.

Early investigations in unstirred solutions demon-
strated large overpotential increases. Shreier and Smit&\(zp)
found that the presence of 10"" M thiourea, at a current
density of 2.0 A/dm?, increased the overpotential by approx-
imately 140 mV. Similar values were obtained by other
workers (41), but the polarization was very irreproduciblé

and varied with age:of the solution.

In sharp contrast, at 1 A/dm? in unstirred acid
copper sulfate solution, Raub and Schiffner (38) found that
5 x 10 ? Mbthiourea caused an overpotentiaiﬁincgease of only
25 mvV after 20 minutes of electrolysis and appréximately
30 mv after 40 minutes. Because of fluctuations in over-
potential with more than 3 x 10~ M thiourea they were unable
to obtain Tafel plots for these éystéms. Also in unstirred
electrolyte, at 50°C, Lahousse and Heerman (35) found
2.5 x 10”" M thiourea to increase the polarization at 3 A/dm?
by approximately 400 mV, but to .cause almost no change at

2 A/dm*. The data did not'give a linear Tafel plot.




“x

124

T

Turner and Johnson (325 studied the effects of thio-
urea on cathode polarization in unsti&red acid coper sulfate
solution, and also at a rotating disk electrode. In unstirred
solution, at 2.0 A/dm?, the presence of 4 x 10-“ M thiourea
was found to increase the polarization by only 20 mv while
lower concentrations of 4 x 10”° and 4 x 10—6 M caused de-
polarization of approximately 20 and 45 mV respectively. In
the same electrolyte at the same current density, but with a
disk electrode rotating at 100 or 400 r.p.m., their data
showed only a slight depolarizing effect for 1.3 x 10_“ M
thioﬁrea (33). No allowance was made in either study for
attainment of steady state conditions. Changes in Tafel
plots were interpreted to indicate that thiourea delayed a
transition of the rate-determining step, as thé current density
was increased, from one of surface diffus%on of adatoms to
one of charge transfer (32).- It was proposed that the
thiourea molecule was reduced to ammonium cyanide and
hydrogen sulfide. The hydrogen sulfide then formed cupric
sulfide that precipitated onto the electrode because of the
low solubility product of copper sulfide. Apparently,

i

however, hydrogen cyanide has never been detected in these

Y

‘systems, which casts doubt on the proposed scheme.

Polarization measurements using a disk electrode
rotating at speeds of 360 or 900 r.p.m., in acid copper
- b
sulfate solutions centaining 2.5 x 10 and 3.9 x 10 M

thiourea, gave overpotential increases of the order of 100 to

5~
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140 mV over the range 0.5 to 3 A/dm® (136). These values

are comparable wiéh the data of Javet, Ibl and Hintermann (137)
who observed an overpotential increase of approximaﬁely 200 mv
at 1.38 A/dm? with 2.6 x 10~ ' M thiourea and a disk electrode

rotating at 1000 r.p.m.

Of interest, but not directly comparable to the
above studies, are pélariz;tion measurements obtained in
unstirred acid c?pper°sulfate solutions that contained
high concent}aiions of thiourea (0.013 to 0.13 M).. The large
overpotential increases were ascribed to an adsorbed layer

of [CuTug]+ on the electrode surface (138).

The discrepancies apparent in these data may be
attributed, to some extent, to difficulties in measuring
overpotentialé (139~142), and to different values of the
concentration polarization (143-146), but may be due largely
to other factors such as preparation of the electrodes and ®
the electrolyte (c.f. previous section on reactions dur{ng
mixing of thiourea and acid cobper.sulfaté) and ‘the age of the
solution (41).

. .
Various workers have studied the occlusion of

thiouféa in copper electrodeposited from acid copper sulfate
solutions containing thiourea. Using thiourea labelled with
the isotopes %S or '“C, Llopis et al (30) demonstrated
cleavage of the thiourea molecule during the deposition

process from unstirred eleptro;yté: Sulfur-35 was occluded
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in l;rge quantities, whereas very little '“C was found. The
published data do not permit calculation of weight pércent

: values of sulfur or carbon in the deposit. However, it was
assumed that simple cleavage had occurred and that the sulfur
was present in the form of sulfide. The cleavage of thiourea
during copper électrodeposition was later confirmed by other

¥
investigators who also determined occlusion with thiourea-3%s

and thiourea-'*c. (31,147).

Sutyagina studied occlusion in unstirred systems by
determining sulfur in the deposit radiochemically with
thiourea-3®*s, and also by combustion analysis. At a current

density of 1.4 A/dm? and for thiourea concentrations of

—4 -3
5.3 x 10 to 2.6 x 10 M, the radiotracer method gave

sulfur contents of the deposits in the range 0.25 to 0.50

" wt %, while chemical analyses indicated 0.15 to 0.37 wt % (148)
At a higher current density (2.5 A/dm?) with thiourea-?°®s
in unstirred gcid copper sulfate solution at a teﬁperature,of
20°C, sulfur ¢ontents of depositeq copper have been estimated
radiochemicallly to be 0.17, 0.78, 1.16 and 2.01 wt % for.
bulk thioure concq;trations of 8.4 x 10_5,4.2 x 107",
8.3 x 10° and 1.67 x 10~ M, respectively (149). On the
hen Raub and Schiffner (38) determined the

.

carbon and suhlfur contents of copper deposited from unstirred

other hand,

. . 1 . e .
solution by /[chemical methods (unspecified), for thiourea
-3 -3 ..
concentratigns of 0.5 x 10 to 3 x 10 M and current densities

from 0.25 tp 2.0 A/dm?, they found carbon in the deposits in such
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quantity (0.04 to 0.11 wt %) that they assumed occlusion in
the copper of the cuprous-thiourea complex reported by
Javet and Hintermaqn (37). The sulfur contents ranged from

0.06 to 0.28 wt %. ,

.
Aed 23
v
e,
Hrene
o
Mrer,

. In‘confi%stnta_the large S contents of deposits
reported by other workers, Kolbasov et al (150) used
thiourea-?®s and thiourea-!"Cc to show that the presence of
4 x 10_5 M thiourea at 2 A/dm? caused only 0.007 wt % sulfur
to be occluded during electrodepositibn of copper from un-

stirred acid copper sulfate solution.

With a rotating disk cathode and a thiourea concen-
tration of 10~ M, it has been demonstrated (36,39,151) that
the incorporation of sulfur‘from thiourea-?*s is purely
diffusion controlled at higg current densities (> 1 A/dm?)

and values of wi.CO (w = angular velocity of disk electrode,

Co = bulk concentration of additive, mole cm-é) up to

-6 -3 -1 o s
6 x 10 mole cm sec . At lower current dens%tles and

larger values of wi.co, the process is no longer predomin-
antly contrélled by diffusion. Only trace amounts of carbon
were occluded from thiourea-'“C, and the sulfur content
(radiochemical) at 2 A/dm? ranged from 0.5 to 1.2 wt % for

electrode rotational velocities of 330 to 1460 r.p.m. (36).

Barnes and Storey (152) claim that the presence of
- -5 *
5 x 10°° to 10 M thiourea in acid copper sulfate solution_

has no effect on the structure of electrodeposited copper.

-~

4
!
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.

‘ -
By contrast, Okada et al (153) found that 5.3 x 10 M

&

thiourea in the electrolyte resulted in very fine-grained
deposits with no development of a characteristic plane. This

* M thio-

is supported by other observations that 6.6 x 10
urea greatly modified the structure of electrodeposited

copper (154-156).

Polukarov et al have demszﬁrated the presence of a
large number of deformation and packing defeq€§ in copper
deposited from acid copper sulfate solution containing
thiourea (157). They attributed subsequent changes in the
resistance and internal stress of the déposited copper to

internal ordering phenomena (158-159).

EXPERIMENTAL AND RESULTS 4

Eguigment

~ The electrolysis cell consisted of separate anode
and cathode compartments joined by a 10 mm O.D. glass tube
fitted with a medium porosity sintered glass disk (éigure 31).
The comparéments were sealed with Teflon covers provided,
with holes for the introduction of the electrodes, gas
inlets and outlets, a Luggin-Haber capillary and a small
glass bulb containing thiourea or formamidinedisulfide
solution when desired. The covers were machined to a
reasonably tight fit, so that a slight poéitive pressure of

-

purified nitrogen could be maintained inside the cell for

hY
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operation under relatively oxygen-free conditions.

v The cathode was 0.010" copper foil (Fisher) backed
by 1/16" copéér sheet for sugport% It was placed in a
recess in a Teflon holder that exposed an electrode area
of 5.25 cm? to the electrolyte (Figure 32).Overpotential
me;;urements were made against a saturated calomel reference
electrode in a separate compartmegé designed to prevent
diffusion of KCl into the test compartment during an experi-
ment (up to 48 hrs). The Luggin-Haber probe had a tip of
diameter less than 0.5 mm that rested lightly on the cathode
surface. It was connected to the reference eléétrode
compartment by 1/8% 0.D. Teflon tubing filled with electro-
lyte of the test compartment. Potentials between the test
electrode and the saturated calomel reference electrode
were measured with an Orion 701 mV/pH meter. When neceséary,
the measured potenéial could be displayed on a Sargent SRG
chart recéfder:b Currents were measured with a Tinsley
type 4237 ﬁilliammeter, or by determining the potential drop
across a stand@rd resistor in,series with the'cell. Current
was supplied b}ia 48 V bank of lead storage batteries and

regulated by several high wattage variable resistors

connected in series.

Materials
o ‘ ' : c
Deionized-distilled water was re-distilled in a

Pyrex unit designed for continuous operation. This was

&
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FIGURE 31

SCHEMATIC. DIAGRAM OF THE TWO COMPART- |

MENT ELECTROLYSIS CELL
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FIGURE 32 o
SCHEMATIC DIAGRAM OF THE CROSS-SECTION'
© OF THE TEFLON ELECTRODE HOLDER USED IN , -
THE PRESENT INVESTIGATION , —
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followed by one slow distillation from alkaline permanganate
and one further distillation to ensure minimum contamination
by KMnO4 that might have bgen carried over in the preceding
operation. Sulfuric”acid (Anachemia, -96%, feagent grade)

was distilled in Pyrex equipmeﬁt at atmospheric pressure.
Copper sulfate pentahydrate (Fisher, certified reagent) was
recrystailized three times from water th;t had been purifTZd
as above, and made slightly acidic. Hydrogen peroxide (1.0
ml/1, Fisher, éertified reagent, 30%) was added to the hoté'
solution during the second recrystallization to minimize
residual leveis of possible organic surface-active substances.
Excess peroxide was then destroyed by prolonged heating at
80-90°C. The hot solutions were filtered by suction through
glass fibre f%%ters (Reeve Anéel) supported on a medium
porosity sinéerediglass filter. Thiouxea (Bakef analyzed
reagént) was u;ed as supplied. Formamidinedisulfide sulfate
monohydrate was freshly prepared by hydrogen peroxide oxida-

"

tion of thiourea, as described previgQusly. ¢

L [

The copper foil cathodes were treated with hot congen-
trated sodium hydroxide solution’ fgllowed by distilled
water and acetone (Eastman, spectrograde) to remove dgrease.

L Théy were then etched for 10-15 seconds in 8M H2SO4, 1M HNOj;..

Anodes were }" electrolytit Topper rod—tbrummond-and-McCall)

-

' cleaned before each experiment by the same procedure as that

' 1 ,
used for the cathodes. : N
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4

CURRENT EFFICIENCY FOR COPPER ELECTRODEPOSITION FROM ACID
COPPER SULFATE SOLUTION

Before the .effects of thiourea and its oxidation
product, formémidinedisulfide, on the electrodepositlbn of
copper could be assessed, it was necessary to determine the
behaviour of the system in the absence of theése additives,
i.e., in the pure standard electrolyte, which consisted, as
previously, of 0.50 M CuSO4 in 1.00 M H2S04 solution.

. | . iﬁx ) "

Experiments with a vertigal cathode indicated that the
current density distribution wWas uneven when the current was
large enough to cause significant convection currents, while
a horizontal cathode facidg downwardsqgaused depletion of the.
electrolyte at the electrode surface and subsequent hydrogen
evolution, even at current densities as low as 0.5 A/égz
Oon the other hand, the limiting current density for copper
deposition with a horizontal cathode facing‘upward was
approximately 9A/dmf2 and the current densjty appeafed to be
quite uniforﬁ ovaer the whole cathode érea. This was indicat-

YJ -
ed by the uniform thlckggss of copper deposited over the N/

surface at 2.0 and 6.0 A/dm after prolonged electroly31s

(up to 1 mm thick deposit).

The current efficiency for copper deposition was

determined, both in %?é bresence and absence of atmoépheric

oxygen, to ensure that formation of metallic copper was the ’

main process in the current density range considered.g‘The

2
<
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number of coulombs passed was determined either by a silver
s
coulometer (160) or as the product of current and time. The

constant current was measured as the potential drop across

a calibrated 23.15 ohm resistor with a DANA digital voltmeter.
Both methods gave current efficiencies of 98 to 100% for
current densities from 0.02 to 6.0 A/dm? (Table 25, Fighre
33). It might be:noted that the addition of:thiourea to the

. -3 .
standard electrol fe to a concentration of 10 M did not

L3

cause a significant change in the current efficiency.

POLARIZATION OF COPPER ELECTRODES IN
PURE ACID COPPEH SULFATE, SOLUTION

o

-Polarizatilon measurements were made in the two
‘compartiment cell shown schematically in Figure 31. 1In

the fiﬁgt experiments, a reference electrode of electroplat-

» f

ed copper wire in pure standard}glectrolytelﬁas employed.
! - v

However, valu#s of the rest potential of one reference !/

1

electrode me sured against a presumably identical electrode

. ~ Y ‘
were found to wvary over a range from + 4 to -9 mV, o

¢

probably because of differences in strain and corrosion

potentiqlsi The rest potentials of copper electrdédes in
\Z‘? »‘“S

the standard electrolyte were also found to change when

the soluti n was stlrred with random fIUCtuatlons over a }

—‘-—_—‘“"————*1ang5"uf*abcat—2—mv_——Thts*fiuctuatxun“prbbabIy—resuttS' E

T J - ]
from corrgsion currents in establishing the equ111br1um

s0 ., 24 % ' + : .
+ = - - -~
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. TABLE 25

CURRENT EFFICIENCY FOR ELECTRODEPOgITION OF COPPER FROM
STANDARD ELECTROLYTE AT 25°C*

[+f

Current Charge wt of Current
Density Passed Deposit Efficiency
A/dm? Coulombs g °fe
| 0.0076 1078] 0.2811 79.2
0.014 . 1233 0.3300 .82.0
0.058 775, 0.2452 96.1
0.145 1583, 0.5089 97.7
0.1462 1085, 0.3495 97.8
0.294 629, 0.2022 97.6
0.295% 465, 0.1488 97.1 : S
0.581% 1552 0.5061 - ' 99.0
0.589 694, © 0.2264 99.1
1.14 8 672, 0.2183 98.6
’ “ 1.17 . 367 . 0.1201 99.5
: 1.72 554, 0.1795 98.4
1.73 3 . 763 0.2486 99.0
2.78 741, - 0.2405 98.6
2.81 606, 0.1981 - | 99.2
4.16 808, 0.2651 . - 99,6 .
6.04 648 0.2111 98.9
1.05 7345 | 0.2377 98.3 |
1.93 744€ 0.2439 99.5
3.02 . 566° 0.1850 99.2.
6.03 657° 0.2158 99.8 |
| 1.44 ¢ 5 7562 0.2481 1.~ 99.6
2.55 3 692, 0.2255 99.0 >
. 2.57 4 | 653 0.2128 ©98.9 ’
\ 5.41 : 574 0.1869 98.9
% \

&

* a - deposition under nitrogen atmosphere Lo

b - number of coulombs determined as I x t o
¢ - number of coulombs determined with silver i
nitrate coulometer ‘ '
d - depositjon from standard electrolyte contain-
ing 10 ° M thiourea ' .




")

Since copper reference electfodes were found to be
unsatisfactory, they were abandoned in favor of a saturated

calomel reference electrode (Fisher, cracked bead type) .

»

The relatively small, reproducible liquid junction potential
encountered in using a saturated calomel reference was

judged preferable to the insTability of a copper reference,
particularly /since a liquid junction éotential should be
largely or completely eliminated in the relative determina-
tion of overpotenéialfdifferenées in the absence and presed&e
of the %bdition agent. When a constant current was impress-
ed on g‘ffeshly etched copper cathode in the standard
elect#blyte, the overpotential changed with time and rapidly

approached a steady state value after about 5 to 10 minutes
¥

N

(Figure 34).However, when the current was passed through a

cathode éiectodeposited at a similar current density a
\

steady state value 'was achieved within one or two minutes. »
’
Momentary potential maxima were sometimes observed when the

]

current was switched on, but the steady state polﬁrization

- - -
achieved thereafter was the same as when no such maxima

2

)

were observed. The value of the steady state polarization

-
s

was reduced slightly by stirring, which reduced the

be best

concentration polarization. This could presu

achieved with a rotating disk electrode with a constan

1

ranguiar velocity,. but this elaboration was not considered 4\§\\\\

_necessary in the present study.

3

All the polarization values used for Tafel plots of

3 < ‘
4

i 4



FIGURE 33

CURRENT EFFICIENCY FOR COPPER ELECTRO-
DEPOSITION FROM STANDARD ELECTROLYTE
AT 25°C .

ey —

deposition under nitrogen atmosphere
)

Y

deposition in presence of atmospheric oxygen
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C oy . . e -3 .
- deposition from solution containing:10 .M thiourea
- » — "
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@

FIGURE 34

'CHANGE IN OVERPOTENTIAL WITH TIME FOR A
FRESHLY ETCHED COPPER CATHODE IN STIRRED
PURE STANDARD ELECTROLYTE AT A CONSTANT
- CURRENT DENSITY OF 4.17 A/dm?, WITH A
TEMPERATURE OF 25°C AND IN A NITROGEN AT-
MOSPHERE T

R, -
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overpotential (n) against the logarithm of the current density-
(log i) are reported as steady state values for the given
conditions. The'measured cathode overpotentials are summariz-
ed in Table 26 and the corresponding anode pol;rizations are
found in Table 27. The exchange current.densities and Tafel |

slopes are estimated from the linear portions of the graphs

which were drawn without recourse to the least~squares method.

The results of the polarization measurements are in
good agreement with those of other workers, "and it may
£
therefore be assumed that the polarization cell and its

ancillary equipment functioned adeguately.

A

Microscopic examination of the copper deposited from
purified standard electrolyte indicated large block crystals
at current densities less than 2 A/dm?. Cross-sections of

fal

the deposits confirmed the presence of large grains with no

superimposéd structural featuresfﬁuch‘as columns or layers.

With increase of current density, the deposits became in-
creasingly finer crystalline, and finally modular in appear-

ance . .
N

POLARIZATION OF COPPER IN ACID COPPER
SULFATE SOLUTIONS CONTAINING THIOQUREA

Thiourea added to the standard electrolyte caused

only a slight change (< 5 mV) in the rest potential of a

copper electrode immersed in the golution, but the change

.in overpotential when current was passed through a copper -




‘l' \ TABLE 26

SUMMARY OF PARAMETERS OBTAINED FROM TAFEL PLOTS FOR

{40

THE CATHODIC POLARIZATION OF COPPER IN STANDARD ELECTRO-

LYTE AT 250C*

y
Exchange current » Tafel Slope
i ?;?Z;ty (mv/decade current)
0.246 1132
0.279 1312 ‘
0.360. @ 1672 ¢
0.275 1302
0.182 902
0.228 89?2 ™~
0.250 882 ~-
0.229 982
7{ : ' 0.286 o 9g®
0.290 BN 100°
) ’ 0.335, ¢ ° 103°
' “ .
0.202 92% "
[ 0.197 V 113° J
0.216 124°
. . = ) i
) . . N

¥ a - unstirred electrolyte undef .nitrogen

“ b - .stirred electrolyte under nltrogén P

c - unstlrred electrolyte, air saturated -

-

The average overpotential at 2.0 A/dm? was 105 : 9 mv.
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TABLE 27

SuU RY OF PARAMETERS OBTAINED FROM TAFEL PLOTS FOR
THE DIC POLARIZATION OF COPgER IN STANDARD ELECTRO-
LYTE AT 25°C *

! 5\
Exchange current Tafel Slope

ensity (mvV/decade current)
A/dm?) , ' )
01243 292

' 0.203 262
0.204 272 ‘ ’
0.27 17
0.298 187
0.284 18P

t

* a - unstirred electrolyte under nitrogen
L [
b - stirred electrblyte under nitrogen

3
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electrode immersed in the solution was much more pronounced.

When the steady state potential had been attained
at a freshly etched copper cathode in stirred, pure standard
electrolyte at 2.74 a/dm?, a small glass bulb cont;ining
thiourea in aqueous solution (14.3 mg thiourea in 2.0 ml
‘HzO) was broken in the electrolyte, to br*ng the thiourea
concentration in the cathode compartment to 1.0 x lO_3 M.
The cathode polarfzation increased immediately and reached a
new plateau value within 15 seconds (Figure 35). This
o;erpotential was maintained during two hours. This woudd
seeT to indicate that the steady state effect of thiourea

]
on the electrodeposition process is established very rapidly.

In view of the many published investigatiéns de?;ing
with the effects of low concentrations (< 107" M) of thig—
urea on the overpotential for copper electrodeposition, it
‘seemed promising to try a more general approach in an attémpt
to understand the system. It was decided to investigate the
effect of thiourea at concentrations higher than 10-3 M on

the electrodeposition process. The effect of each concentra-

tion of thiourea on the deposition* was studied at current

T,

* Several experiments were made at each concentration of
additive. The overpotentials were reproducible to
+ 20 mV, but did not give lipear Tafel plots. Reflectance
values were also quite reproducible, but the effect of
stress on the deposit (i.e. peeling as in Figure 38 or
disintegration-into flakes as in Figure 39) did not
manifest itself in a very reproducible manner for

9]

N

SH e e \
N

“a
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L e ) !
FIGURE 35 “
CHANGE IN CATHODE OVERPOTENTIAL AT 2.74 A/dm? A
CAUSED BY ADDING THIOUREA (14.3 mg/2 ml WATER)
TO STIRRED STANDARD ELECTROLYTE (190 ml) AT 25 C

@
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densities of 0.8, 4.0 and 8.0 A/dm® which were chosen as
representative of low, average and high current densities

respectively.

Where mechanical stability of the deposits permitted,
the relative specular reflectance of the deposit was deter-

mined with a photocell (National Semiconductors Ltd:, Type

o

~—NSL 703) in the apparatus (c.f. refs. 29, 161, 162) schemati-

cally depicted in Figure 36. The reflectances were measured

relative to a silvered glass mirror, to which was assigned an

arbitrary value of 100% reflectance.

-

Al

The deposits obtained from standard electrolyte
S

containing 0205 M thinEéa in an unstirred solution (Figure

37) were very highly .stressed at current densities of 8.0
. 2]
~and 4.0 A/dm?. This was appdrent from the spontaneous de-

tachment of parts' of the deposit from the substrate. These
deposits contained(?heck black areas and thinner films that
sﬁbwed'blue—green interference patterns, possibly due to
sulfide. Other areas contained a fine network of white.

“

crystals (Figure 38) which, after treatment with nitric acid,

v
*

deposits obtained under presumably identical conditions.
. Thus, some deposits peeled during deposition, while
: others, under the same conditions, did so only after some
time had passed. However, the net result was the same,
and the deposits shown and described are representative
samples.




FIGURE 36

APPARATUS USED FOR DETERMINING RELATIVE
REFLECTANCE VALUES FOR ELECTRODEPOSITED ™
COPPER

145
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FIGURE 37

TOP PHOTOGRAPH* L @

DEPOSITS FROM_ STANDARD ELECTROLY'I:E CONTAINING
< 0.05 M THIOUREA

BOTTOM PHOTOGRAPH

DEPOSITS FROM STANDARD ELECTROLYTE CONTAINING
0.05 M FORMAMIDINEDISULFIDE SULFATE MONOHYDRATE
y -

-~
5
2

N
v

The bottos row in each photograph repre‘sefxts the
corresponding deposits from standard electrolyte contain-
ing 0.001 M thiourea. Current densities for deposition

were 0.8, 7.0 and 8.0 A/dm?,- respectively, from left to

right.

-
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[l {

FIGURE 38

4

o

TOP PHOTQGRAPH

DEPOSIT AT 4 A/dm*® FROM UNSTIRRED STANDARD
ELECTROLYTE CONTAINING 0.05 M THIOUREA.

G MAGNIFICATION, x 3.5 I

BOTTOM PHOTOGRAPH

DEPOSIT AT 4 A/dm? FROM UNSTIRRED STANDARD
ELECTROLYTE CONTAINING 0.01 M THIOUREA. .
MAGNIFICATION, 'x 3.5

y
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G ' - «
. -
gave a poSitive test for copper. The deposit at 0.8 A/dm?
appeared to consist mainly of a mixture of a black substance,

probably copper-sulfide¥*, énd.relatively large, well-formed

néedles, presumably cuprous-thiourea sulfate complexes.

In contrast to this, the presence of 0.05 M
formamidinedisulfide'sélfate monohydrate in the standard
electrolyte did not show agy effect on the deposit at
current densities of 0.8 and 4.0 A/&nf. _However, at 8 A/dm?
the deposit was evenly blackened,‘again attributable to

a film of copper sulfide (Figure 37).

The overpotentials with the formamidinedisulfide
additive were higher than those with pure standard electro-
lyte, but less than those measured fn a solution containing
an equal concentration (0.05 M) of thiourea. At 0.8 A/dm?, "

the electrode potential in the presence of 0.05 M thioursa
&1

was -310 to -320 mV, whereas, for 0.05 M formamidinedisulfide,/,

it was -150 to -160 mV. ‘ This would seem to be a case where
increased polarization is not companied by brighlening or
levelling.

\

! -

\

* Similar black areas were noted in many of the deposits to
be described, . and will henceforth be ascribed to copper
sulfide since they were subsedquently identified to con-
tain the sulfjde ion. .

—

‘}f _
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.

. ) The ef stirring the solutions O(O.Ol M thio-

&
urea) was to ter, but more highly stressed deposits

(Figure 39). Dayk atterns on the deposit at 4 A/dm?

(Figure 38) from unstirred solution were presumably areas of

. various coppédr sulfide coﬁtenﬁs, caused by deple;ion and

. N .
* richment of thiourea in the vicinity of the cathode by

conyection currents. Microscopic examination of the surface
2 (‘.\‘
) showed many %mall cracks and some small needles that rese&ﬁled<

trithioureadicuprous sulfate monohydrate (Figure 40).

- =

deposit was highly stressed, and after one hour, it was

< -

reduc%d to a mass of small, brittle flakes. {Figure 39).

The '

Although the complex appeared to be the pame as that described
earlier \(trithioureadicuprous sulfate monohydrate, Figure 40)
1t might have been a new complex of cuprous sulfate with ~J/r/

thiourea. '

. \
© At 8 A/dm® and 0.01M thiourea, theiﬂeposit had a
dull copper color and contained a network of very fine cracks
*  {Figqure 41). At one-tenth the current dggsity (0.8 A/dm?)
i
there were fewer cxacks, but the deposit showed black areas

4

of copper sulfide and very fine, white networks of complex

lying in cracks in the deposit (Figure 42).
When\ "the thiourea concertration was reduced to °
-4 .

5.3 x 10 with a current density of 4 A/dm?, the structure

of the deposit had not suffered modification and the

‘ . deposit obtained (Fii;urmresegmbled that obtained from

N | ) ' - . | ’
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FIGURE 39

- *TOP PHOTOGRAPH¥* . ;

DEPOSITS FROM STIRRED STANDARD ELECTROLYTE
CONTAINING 0.01 M THIOUREA

BOTTOM PHOTOGRAPH -

DEPOSITS FROM UNSTIRRED STANDARD
ELECTROLYTE CONTAINING 0.01 M ngOUREA
- Q

* The bottom row in each photograph represents the
corresponding deposits from standard electrolyte
containing 0.001 M Thiourea. Current densities for
deposition were 0.8, 4.0 and 8.0 A/dm? :respectively,

from left to right.

/
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FIGURE 40 "

TOP PHOTOGRAPH

CRYSTALS OF CuzTu3S04.H,0
MAGNIFICATION, x 100

BOTTOM. PHOTOGRAPH

3

\ CRYSTAL ON SURFACE OF COPPER ELECTRODEPOSITED,
AT 4 A/dm? FROM STANDARD ELECTROLYTE CONTAINING
0.01 M THRIOUREA

MAGNIFICATION, x 400

Qe ]
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. "FIGURE 41 .

»

DEPOSIT OBTAINED AT 8 A/dm® FROM UNSTIRRED
STANDARD ELECTROLYTE CONTAINING 0.0l M
THIOUREA B

TOP PHOTOGRAPH

MAGNIFICATION, x 3.5
A Y

BOTTQM PHOTOGRAPH

MAGNIFICATION, x 200

» -
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FIGURE 42

DEPOSIT OBTAINED AT 0.8 A/dm? FROM STIRRED
STANDARD ELECTROLYTE CONTAINING 0.01 M .
THIOUREA

TOP PHOTOGRAPH

MAGNIFICATION, x 3.5

BOTTOM PHOTOG‘BAEH/

MAGNIFICATION, x 400
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- FIGURE 43

DEPOSIT OBTAINED AT 4 A./dmz FROM UNSTIRRED
STANDARD ELECTROLYTE CONTAINING 0.00053 M
THIOUREA

TOP PHOTOGRAPH

° MAGNIFICATION, x 3.5

BOTTOM PHOTOGRAPH

MAGNIFICATION, x 200
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3

pure standard electrolyte.

v

At thiourea concentrations of 0.1 and 0.05 M, and a

current density of 4A/dm?, the copper appeared to be deposited

in successive layers. Areas of black copper sulffde on the

electrode spread at observable rates, and were thea covered
by spreading sheets of metallic copper which, in turn, were
covered by advancing films of sulfide. This periodic pheno-
menon was accompanied by some hydrogen evolution. The
spreading directions of the layers of copper and sulfide were
strongly influenced by movement of the electrolyte. Diffus-
ion control appeared, therefore, to be important in this

phenomenon.

-

1
The process was recorded on 8mm film, but no quan-

titative mea6urements of overpotential or current efficiency
were attempted. The rate of the redox.reaction between thio-
urea and cﬁb;ic ions was so high that precipitation of

large amounts of trithioureadicuprous sulfate monohydraté\
occurred within twé minute;\af‘adding the thiourea solution.
Such rapid chan&g in the composition of the bulk solution
made it unlikely that reproducibility could be achieQed

in mixing the solutions. 1In any event, it would have been -

impossible to relate the sequence of layers with any

precision to the reactions that occurred in the solution.
)

Steady state polarization data and specular

reflectance of the deposits are summariZzed in Table 28. The

! e
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STEADY STATE POLARIZATION AND RELATIVE SPECULAR RéFﬁEC-

TANCE FOR COPPER DEPOSITE
CO%?AINING THIOUREA AT 25°C.

8 FROM STANDARD ELECTROLYTE

/
[Tu] i Electrode - An ‘ Reflec-
(M) (a/dm?) potential v tance
mvV vs SCE %
P
e
0 . + 8 0 14
0 2 g ~150 0 11
0 8.0 -230 0 6 .
0.05 0.8 -310 320 ‘black
4.0 (-440) 290 peeled
8.0 (-540) 310 peeled’
] o0.01 0.8 -210 220 22
‘ 4.0 -390 240 77
6.0 -350 - 22
8.0 -370 240 4
0.01 0.8 -250 260 unstable
stirred
4.0 ~310 160 unstable
8.0 ~370 240 unstable
0.005 0.8 =210 220 46
4.0 -320" 170 61
8.0 -550 320 3
0.001 0.8 -160 170 8
4.0 m420 - 270 16
8.0 _ =520 290 2
0.001 ) 0.8 -150 160 16
stirred '
. 4.0 -240 - 0 22\
8.0 -350 126 L g :
0.00053 | 4.0 -240 90 32
stirred
~J
0.009053| 4.0 ~160 10 22
e
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a

overpotential increase caused by thiourea became smaller as

its concentration was decreased, and almost disappeared at

u

5 x 107" M thiourea. )

In view of the apbarent deposition in layers describ-
ed‘above, the cfoss—section of a deposit obtained in the
preéence of thioured was studied to determine whether it
might réveal a layered structure. Two deposits obtained in
the presence of 107 M thiourea, at 4.0 and 6.0 A/dm?,
respectiveiy,ﬂwere.sectioned, embedded in plastic and polished
bi standard metallurgical tethniques. After etching with
acid ferric chloride in 50% ethanol, the de‘lposit at 4 A/dm? .
showed a complex structure with visible laQering and internal
cracks and occlusions, whereas the depositrgt 6 A/dm? did not &y,
(Figure 44). An estimate of the sulfur content of the deposits -
was then made in an attempt to assess the extent to which

dlsfuptlon of the copper crystal lattlce might be caused by
&,

occluded addltlve.

L ' J

DETERMINATION C('ITHE SULFUR CONTENT OF COPPER
ELECTRODEPOSITER FROM ACID COPPER SULFATE
SOLUTION CONTAINING THIOUREA

-

.The sulfur contepélﬁf copper electrodeposited from
acid copper sulfate solutions containing thiourea is _
generally quite small, and sensitive analytical teq&niquesk
are required for its estimation. Hltherto, the thiourea :

moleouli has usually been labelled with the radloagtlve ~

sulfur isotope %S, and the amount of sulfur in a solution

- -
)
\
.

. ) .
G ‘



- »
" FIGURE 44 :

¥

. CROSS-SECTIONS OF COPPER DEPOSITED FROM STANDARD
ELECTROLYTE CONTAINING 10~ ° M THIOUREA

TOP PHOTOGRAPH

N '
4 A/dm?, MA&NIFICATION, x 600

BOTTOM PHOTOGRAPH

.

6 A/dm?, MAGNIFICATION, x 400
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of the copper deposif determined by either direct or liquid
scintillation counting techniques. A high specific activity

-1
(> 0.5 mc 1l ) is required for accurate results.

*

In the present investigation, it was desired to
determine not only the quantity, but also the chemical form
of the sulfur occluded in the deposit. It was decided,
thekefqre, to maximize tﬁé sulfur content by working with high
thiourea 9oncentrations and low current densities, and to
apply chemical methods to ﬁhe larger quantities of sulfur
compounds then available in the deposit for identifying the
chemical state and estimating the amount present. The amodunt
of sulfur occluded in the deposit as ;ulfate ions from the

eiectrolyte has been reported to be extremely low (163) and

no attempt was made to distinguish it from the sulfur oc¢lud-

~

ed from other sources.

The method devised by Bartolacini and Barney (164,165)
for the colorimetric determination of sulfate with barium
chloranilate was used to determine -the amount of sulfur

occluded in the deposit. The method is based on the reaction

‘

%

Y + MA (solid) + A + MY (solid) v

where Y is the anion to be determined and A is a colored

anion of an organic acid. MY must be so much less soluble

{
than MA that the reaction is quantitative, while MA must be

only sparingly soluble, so that blanks in A~ will not be too

+

<




- 160

high.

The reaction of slightly soluble barium chloranilate
with sulfate ion in acid solution of pH ~ 5 is used to give

barium sulfate and the acid-chloranilate ion
SO, + BaCeClz04 + H' > H Ce¢Cl,0% + BaSOs

the amount of acid chloranilate liberated is proportional

to the sulfate ion concentration. The reaction is conducted
in 50% aqueous ethyl alcohol buffered at an apparent pH of
approximately 5. The presence of ethyl alcéhol increases
the sensitivity of the method by decreasing' the solubilities
of barium sulfate and barium chloranilate. Sodium and ammon-
ium ions do not interfere at the 250 ppm level, but other
cations must be removed by ion exchange. Chloride and
nitrate ions are said not to interfere at the 100 ppm level.
Using the 332 nm peak of the acid chloranilate ion, the
spectrophotemetric limit of detection in 10 mm cells was

about 2 pg of sulfur (= 6 pug SOu).

o

Barium chloranilate. (Eastman) was purified from
residual chloranilic acid by Soxhlet extraction with 95%
ethanol for three days. The pH dependence of the absorbance
at 332 nm indicated that pH ~ 5 was the lower limit for-
satisfactory behaviour (Table 29, Figure 45). A calibration
curve was prepared with standard sodium sulfate solution. A

linear plot was obtained of absorbance against amount of
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sulfur present, as sulfate, over the range 6.70 ug to 200 ng
sulfur in 10 maf cells, and up to 2.00 mg sulfur using 1lmm

cells. (Table 30, Figure 46).

To obtain samples of electrodeposited copper, a
platinum foil cathode was placed in the two-compartment cell
useds for polarization s%udies, and copper deposited on it
from standard elecirolyte without, or with thiourea added.
The deposit (200 * 5 mg) was dissolved in concentrated,
distilled nitric acid (1.00 ml) by gentle heating. The
resulting solution was brought to pH -~ 3 by adding 5 M NH;
(prepared from ammonia gas and deionized, distilled water)
and transferred to a clean platinum crucible (25 ml) fitted
with a Teflon coated magnetic stirrer. With the crucible
as cathode and with a platinum foil anode the copper ions
removed by electrolyzing at 0.5 amperes for 6 hours. The
pH of the solution was adjusted to 6-8 with 0.5 M NH;, after
which it was poured through a small column (0.8 cm diameter,
2 cm long) of Chelex-100 ion exchange resin * (Bio-Rad
Laboratories) in the ammonium form. At pH > 5, this resin
quantitatively retains cupric ion even from concentrated

ammonium salt solutions (166,167). The resulting ammonium

. The gift of a sample of the resin from the Noranda
Research Centre is gratefully acknowledge.

< e

—



/.

TABLE 29

5
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ABSORBANCE OF 5 x 10~° M CHLORANILIC ACID AT 332 nm
7 AS A FUNCTION OF SOLUTION pH AT 250C

pH R333

0.84 0.13

1.65 0.24

2.94 0.69

3.01 0.73

. 3.29 0.89
4.33 1.19

6.52 1.25

8. 30 1.25

9.18 & 1.26

9.63 1.25

10.69 1.25
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FIGURE 45

ON pH OF THE ABSORBANCE AT 332 nm
M CHLORANILIC ACID



&

o

- o

WU ZEE 1B 9oUBqUOsSqy

10




164

\ )
. TABLE 30 ~
RELATION BETWEEN ABSORBANCE OF ACID CHLOR}\;NILATE ION
]AT 332 nm ANIQ SULFATE CONTENT OF THE SAMPLE
} . .
g S (as NazSO0y) A
P o 332
v ‘ °
‘ 6,7 : 0.04
& . 10 . 0.05 ] ‘
13 0.08
, 3
.20 . 0.12
27 0.17
.
‘ 30 - . 0.19
40 0.24
50 . 0.31
' ‘ 60 L 1 0.38
R 80 - k\/\ v.50
o 100 0.65
' To130 0.86 -
" 150 - ' ' 0.95 L
_ 160 1.01 '
‘ 199 1.19 \
. 200 1.26 . )
2000 : | "1.262 \
2000 . 1.25% _ .
s
rﬁ . Vi
o ﬂ — ‘
) a -~ The last two absorbances were determined with
~ ) 1 mm cells, all other values are for 10 mm path ~
= : length. N i ’
@ : o o
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FIGURE 46.

RELATION BETWEEN ABSORBANCE OF CHLORANILATE .
ION AT 332 nm AND THE AMOUNT OF SULFUR PRESENT
IN THE FORM OF SODIUM SULFATE
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nitrate solution ( < 38 ml) was contained in a.+1Q0 ml volu-

metric flask, to.which were added 5.0 ml of 0.05 M potassium

' hydrogen‘phthalate and 50 ml 95% ethanol. The solution was

1h§de to volum&® with deionized water and 300 * 20 mg of barium
chloranilate added. The mixture was shaken mechanicallf for
four hours and allowed toustand for a further Zb hours, to
egsure complete reaction. Part of the soiution was then
céntfifuged to remove suspended barium sulfate and chlor-
anilate, and the absorbance at 332 nm determined using the
Perkin-Elmer 402 UV-visible spectrophotométer. The absorbance
of the blanks for qoppér deposited from standard electrolyte
containing no thiourea was too high when a, 10 mm cell was
used, but with a 1 mm'cel} those preparations gave absorbance
values of 0.44, 0.45 and 0.45 measured against a reference
cell filled with water. The high absorbance was probably
caused by the high nitrate conc;ntration present as NHyNOj;.
The same effect was observed when chloride ion was present at

high concentrations.

'y

When sodium sulfate, equivalent to 1.00 mg sulfur was
added to each of three solutions of copper deposited from
the standard electrolyte, and the subsequent steps of the
procedure followed as before, absorbances at 332 nm of 1.02,
1.06 and 1.08‘(averagg = 1.05 % 0.03) were measured in a
%rgs'cell with water as a reference. Subtraction of the
previous value of 0.45 ¢ 0.01 for the average absorbance of

a solutionsof the deposit to which no sodium sulfate had been
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‘ ~
added yields an absorbance of 0.60/: 004 due to the added -

sulfate. This is in good agreenént with a value of 0.62 //ﬂ

A

estimated .from the callbratxon (Table 30r\sptained in the

[

absence of ammonlum r’LVc/rate .

When three deposits obtained at 4.0 A/dm? in the ¢
' ‘ ’ ‘
-3
presence of Y0 M thiourea were treated by the procedure

&

described above, absorbance values of 0.54, 0.51 and 0.49
at 332 nm were measured against a water reference. These
values corresponded»to 0.069, 0.045 and 0.030 weight per .
cenE sulfur respectively (averagé, 0.048 + 0.018 wt, %),

&
for deposits obtained with the given conditions.

In several trial preparations of copper deposits to
which the barium chloranilate estimation of sulfate was
applied, it was noted that treatment of the deposit with
dilute nitric acid (1M) at room temperature failed to remove
a small amount of black residue that remained on the platinum.
This could be dissolved only by adding mofe concentrated nitric
acid, or by prolonged heating. ‘1In some cases, it was observed
that mild heating with 1 N HNO, caused formation of small
amounts (<< 1 mg) of a yellow hydrophobic substance which was
assumed to be elemental sulfur. For a more thorough examination,
two deposits of approximately 1.2 g each Qere’obtained on the
platinum cathode after approximately 22 hours at 0.8 A/dm?
in standard electrolyte that had been made 0.01 M in thiourea.

These deposit$ were dissolved in warm 1 N HNOg to yield ,
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s

several milligrams of an amorphous yellow substance. After

drying at 105°C, this could be burned with a blue flame to

. give sulfur dioxide, it dissolved slowly in carbon disul-

Fide, and it reacted slowly with cyanide solution to give
thiocyanate (test with ferric ion). The yellow substance
was thus identifiea as elemental sulfur. The black sub-
stance which was its precursor in the deposit proved to be
copper gulfide, since a small amount of it heated with
coﬁcentrated hydrochloric acid yielded hydrogen sulfide

(detected by the deposition of black lead sulfide on a

filter paper wetted with lead acetate solution).

A quantitative estimation was made of the amount of
elemental sulfur produced by the warm nitric acid treatment of
copper deposits obtained at 0.8 A/dm? from unstirred standard
electrolyte containing 0.01 M thiourea. The elemental sulfur
was separated by suction filtration, well washed with 2 N
HCl followed by distilled water and dried in a vacuum
desiccator for 24 hours. The sulfur was- then transferred as
quanéitatively as pogsible to a small boat and weighed as
sul fur, éo yield values oé‘0,44 and 0.59 wt % sulfur in the

A}

deposits. ‘

4

Cuprous sulfide, preparedzby hydrolyzing penta-
thiourea dicuprous sulfate dihydrate in boiling 1 N NaOH, was )

found to yield ovif 90% of its theoretical sulfur content as

elemental sulfur when treated with warm 1 N HNOs. The

°
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remainder was presumably oxidized to sulfate (0.5061 g

e»
CuzS gave 0.0982 g S = 96%). Cuprous-thiourea complexes
yielded neither elemental sulfur nor copper sulfide when

treated with nitric acid.

To determine the extent to which sulfur might be
present in the deposit in forms that did not yield elemental
sulfur upon treatment with warm dilute nitric acid, deposits

: b

were prepared, as before, with thiourea concentrations of

0.01 M and 0.005 M. They were dissolved in 5.0 ml concen~

trated nitric acid and heated to drive off some of the

' excess acid. This procedure presumably oxidized all sulfur

compounds present to sulfate,since there was no indication
that elemental sulfur was liberated. The solutions were
brought to pH -~ 3 with ammonium hydroxide and electrolyzed
at 0.5 A in a platinum crucible that served as a cﬁthode,
with a platinum foil anode. When most of the copper had
been removed, the solut;on was transferred to a small beaker
and the nitrate removed by heating with several additions of
concentrated hydrochloric acid. Barium chloride solution
was added and the conténts heated at approximately 80° for
24 hours.A The precipitate was then collected on Whatman No.42
ashless filter paper and ignitéd to cons%ant weight. The
deﬁosit obtained in the presence of 0.01 M thiourea, at a
current density of 0.8 A/dm?, ‘contained 0.65 wt % sulfur,

a value in essential agreement with that obtained by determin-

;ipg elemental sulfur after dissolution of the deposit in warm
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~

‘ 1 N HNO3. When the thiourea concentration was 0.005 M ,
and the current ‘density 0.8 A/dm?, the sulfur content of
the deposit wég found to be 0.39 wt %, while at 4.0 A/dm?,

and the same thiourea concentration it had decreased to
0.24 wt %.

12

ELECTRON MICROPROBE ANALYSIS OF SULFUR IN .
, COPPER ELECTRODEPOSITED FROM STANDARD ELECTROLYTE o
(/ CONTAINING THIOUREA

) .

A relatively thick deposit (~ 0.01 cm) of copper was
prépared at 4.0 A/.dm2 from standard electrolyte containing
107"} M thiourea. The deposit was cross-sectioned, embedded
in plastic and polished. The sulfur in the cross-sectional

ﬁk area was measured* in an Acton (Camec@} MS-64 -electron

imicroprobe analyzer by bombarding the surfaﬁé with high
energy electrons and med%pring the sulfur K; x-rays emitted
from the sample. Cuprous sulfide (20.155 wt 8 S = 16872 + 171
counts per 10 sec.) and relatively sulfur-free copper foil
(172 * 8 counts per 10 sec) were used as gtandards from which
the sulfur content of the deposit could be estimated. The
background sulfur level in the copper foil substrate (Fisher)
waéfo.o t 0.001 wt & S, and the average value over a

200 p x.200 y area of the electrodeposit cross-section was

* The author is grateful to Mr. Mark Firth, Department of
A ‘Metallurgical Engineering, for determing these values.
’ "
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0.044 * 0.001 wt. 8 S. The local sulfur content (for areas
~ 3y in diameter) was found to decrease with time of
deposition from an initial value of 0.055 *+ 0.004 wt ¢ S

to a final value less than 0.033 t 0.002 wt % S.

The sulfur was apparently not randomly distributed
in the deposit. Some small areas contained very high con-
centrationéiof sulfur (> 1%, see Figure 47)'whi1e others appear-
ed to be almost free from occluded sulfur.” This method gives
no information about the form in which the sulfur is present,

but it may be assumed from the results presented earlier, that

it is predominantly in the form of copper sulfide occlusions.

A summary of the data obtained for sulfur contents
of deposits produced with different conditions of electrolysis
with the different methods of estimation used, is presented
in Table 31. From these data, it is possible to eséimaté
surface coverage by addition agent corresponding to the sulfur
contents found, and the calculated average surface coverages

2

during deposition are shown in the last column of Table 31.

SOURCE OF THE SULFIDE OCCLUSIONS- FOUND IN
COPPER DEPOSITED FROM STANDARD ELECTROLYTE °
CONTAINING THIOUREA

The sulfur occluded in copper deposits qbtained
from standard electrolyte containing thiourea apparently was
present almost exclusively in the form of copper sulfide

(probably non-stoichiometricf. It was of interest, therefore,

(*
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TABLE 31 _ o
\

SULFUR CONTENT OF COPPER ELECTRODEPOSITED FROM
STANDARD ELECTROLYTE CONTAINING THIOUREA

[Tu] i wt deposit $ S 9

M A/dm? g av
0.010 0.8 1.1 0.652 0.034
0.010 0.8 1.123@ 0.44P 0.023
0.010 0.8 1.4210 0.59° 0.031
0.005 | 6.8 1.1007 0.392 0.020
0.005 4.0 1.4937 0.242 | o0.012:
) .

"1 0.001 4.0 0.2041 0.069° 0.0036
0.001 4.0 . 0.1994 0.045° 0.0023
0.001 | 4.0 0.2019 0.030° 0.0016
0.001 4.0 - 0.0449 0.0023

- determined as barium sulfate
determined as elemental sulfur
-~ determined with barium chloranilate

a0 U e
!

- determined by electron microprobe analysis
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FIGURE 47 .
ELECTRON MICROPROBE ANALYSIS OF THE CROSS-SECTION
OF COPPER DEPOSITED AT 4 A/dm® FROM STANDARD ELECTRO-
LYTE CONTAINING 10 * M THIOUREA. GHT AREAS INDICATE
THE PRESENCE-OF SULFUR.

TOP PHOTOGRARH *° )

- ~
THE HIGH SULFUR CONTENT REGION COINCIDED WITH A

VISIBLE FAULT CONTAINING A BLACK SUBSTANCE THAT WAS
PRESUMABLY COPPER SULFIDE. %

BOTTOM PHOTOGRAPH -

THE DIFFERENCE IN SULFUR CONTENT BETWEEN THE DEPOSIT
COPPER AND THE SUBSTRATE 1S SHOWN AS A HORIZONTAL
LINE NEAR THE CENTER.
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1y

to determine how the thiourea or its reaction producfé ere

: degiaded to sulfide during deposition.
, -9

Using the two compartment electrolysis vessel
described earlier, a solution containing 0100 M thiourea in
0.05 M H,S04 was electrolyzed with a copper foil cathode
and platinum anode. The passage of currents greater than
20 pA/cm2 was accompanied by slow but visible gas evolution
which became more vigorous when the current was increased to
10 ma/cm? (electrode potential - 800 mV vs SCE). Hydrogen
sulfide cpuld not be detected with the lead acetate paper
test, and the gas was presumably hydrogen. No changes were
Yisible on the electrode, as long as it was cathodic, but
afiter an hour on open circuit crystals of complexlcould be

seen on the copper. '

When a copper foil was made anodic in the acid

thiourea solution, formation of needles of cuprous-thiourea

complex both on the copper and in the solution became

evident. If a copper foil were made to serve briefly as an
anode in acid thiourea solution, and then made cathodic, its
surface turned black immediately. Hydrogen sulfide was
evolyed when the blackened copper was treated with concen-

34

trated hydrochloric acid (lead acetate test).

-

When a clean copper foil was made a cathode in an . ®
acid thiourea solution containing pentathioureadicuprous -

sulfate dihydrate, it became black immediately with a film of

b
o
v

' )
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copper sulfide. A platinum cathode also blackened 15 an

acid solution of the same cuprous complex. When a copper

foil was made an anode at a current density of 1 A/dm? in

a fresh solution of 0.05 M formamidinedisulfide sulfate - @
monohydrate in 1'§ sulfuric acid, the blue color of cupri;

sulSake’ appeared iﬁ-the vicinity of the anode, and no

visibie formatioh of sulfide occurred when the current was

reversed. ’

%
)

From these observations, it would seem that cuprous-
thiourea\a;d ﬁoss bly cupric-thiourea complex ions are
cathodically reduced to sulfidg“at platinum and copper,
whereas formamidinedi§33fide is réduced to thiourea only at

very negative potentials.

Steady state polarization data could\ not be obtained‘
for the cathodic reduction of cuprous-thiourgd complexes.
Even at low current densities, continually increasing
coverage of the electrode by sulfide caused an increase in
electrode potential to a stéady value of approximately

-800 mv (vs SCE)Y at which obvious hydrogen evolution
occurred.

DETERMINATION OF THIOUREA IN ACID COPPER
SULFATE SOLUTIONS

)

The problem of determining the amount of "active
thiourea™ in acid copper sulfate solutions remains to be J
)

discussed. Since formamidinedisulfide as an oxidation
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product of thiourea does not appear t0»§ct ‘as either a
brightener or leveller, it would seem that’ihe required
anaiygical method should respond to thiourea and its |
complexes with cupric and tuprous ions. The meésurement of
uv abso;bance'in the region about 340 nm could be’used,
provided the absorbances due to cupric and Cuprous-thiou}ea
comp{gxes could be resolved. A direct potentiometric
deéermination using the potential of the formamidinedisulfide~ °

¢

thiourea couple is not possible (168) but measurement of. the

oxidation current of thiourea with a rotating platinum

electrode has been used. (169)

In the'present investigation the total condentration
of thiourea and i£s complexes was determined by potentio-
metric titration with ceric Qﬁpq which éoes not affect
;formamidinedisulfide in strong acid. Tﬁe method should'’
estimate all species in solution that méy be oxidized with
ceric ion, i.e., cuprouaé%ons and thlouﬁ§§ but the concen-
tration of each Species cannot be so estlmated. Moreover,
quprous ions formed in the oxldatloq of thiourea by cupric
ions were stabilized by complex fdrﬁétfon with unreacted
thxoure# with the result that the total concentration of

substances oxidized by ceric ion was essentially constant.
! .

| ;
When filtered, finely dispersed air was rapidly

bubbied'through solutions that initially contained 0.025 M

thiourea and 0.025 M cupric sulfate in 1 M sulfuric acid,

and al%guots were titrated with ceric ion at various times,

a
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i1t was found that more than one-half the initial concentra-
tion of oxidizable substances remained in solution even after
53 hours (Table 32), in spite of the fact that significant

\

amounts of solid cd%rous—thiourea complex had férmed. It
may be concluded from this that cuprous-thiourea complexes
in aqueous solution are not rapidly oxidized by atmospheric
oxygen. This would indicéte that a bath containing thiourea
in acid copper sulfate should become relatively stable after
part of the thiourea has been oxidized ad‘bthe remalnder

complexed with cuprous ions formed during the oxidation

reaction. ) . .

DISCUSSION

\
A

The current efficiency data for deposition from acid
copper sulfate containing 10-3§_thiourea indicaée only a small
amount of thiourea occluded in the deposit, and a negligible
"deposit excess weight" under the conditions. This is
confirmed by the quantitative analyseg for sulfur occluded

in the deposit.

The polarization measured in the presence of thiourea,
vis high. The data show no easily discernible trend, except
;hat the overpotential is less, the smaller the thiourea
concentration. The high polarizatidﬁ may be ascribed to
several contribﬁtory factors, and most of these can be assess-

ed only in a gqualitative manner.
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« ‘ ‘  TABLE 32 i

-~

DETERMINATION OF SUBSTANCES OXIDIZED BY CERIC IONOIN
SOLUTION OF THIOUREA IN ACID ‘COPPER SULFATE AT 25°C.

ra

Time after mixing u Concentratibon of oxidizable
(min) substances
(N) ,
. ,
\L\
oo 0~ N 0.0245
3 0.0238
18 © . 0.0235
34 0.0207 .
50 0.0201 %
. 87 , 0.0175
117 0.0164
158 I BN Y 0.0154 ‘
252 , 0.0139 - £
336 0.0128
[ 4
Ve '
il . “4
N
C h
& L )
\ ) . LN
| |
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# .




\ g 179

.

Gauvin and Winkler (170-172) have demonstrated that

the ‘measured polarization during copper deposition from pure

electrolyte depends on the true surface area of the electrode.

.

Obviously, a levelling agent such as thiourea must decrease

( - .
the true surface area of the electrode as it exercises its
levelling effect. Since roughness factors of 1.9 + 0.2 (173)

> .
have been détermined for electropolished copper, it is

obvious that changes- in true surface area due to levelling of

{
a surface with a much larger roughness factor can cause a

large' increase in the true current density. This effect is
impossible to assess quantitatively der electroplating
+

conditions, but gas adsorption method ight be used to

obtain information for the final surfate#.

The extent to which the levelled surface may be
b%ocked by occluded sulfide can be roughly timated from the
éﬁlfﬁr content of the deposit.. Assuming mpletely random
distribution of sulfide ions through the crystal lattice, it
may be esti@ated that the maximum bossiﬁle average Soverage
by sulfur‘is of the order 10 to 20% of the surf&ce area.
Since sulfur, but little carbon,‘from the thiourea molecule
is occluded in the deposit, the other fragment of the thiourea
molecule, probably cyanamide, must tend, to accumulate in
the diffusion layer. Adsorption of part of tﬁis\cyanag;ée
onto the copper wSuld further déérease the electrode .area
avéilgple for current flow, as would also any adsorption of

formamidinedisulfide and complexes of thiourea. Finally, the

S

- 1
b
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presence in the diffusion layer of a multitude of crystal

J

nuclei (each containing perhaps only 20-100 molecules of

|
insoluble cuprous-thiourea complex) may so increase its
viscosity, and otherwise hinder transmission of ions through

A

it, that the overPoteptial is appreciably increased, 1If
’

w»

several factors such as these can affect the ease of deposi-
tion, it is not surprising that the overpotential valuesléj::\\\

high, and, at least with high concentrations of thiourea

‘p(> 10 -3 Ma, arg not strongly correlated with thiourea con-

centratlon and apparent (geéﬁetrlc) current density. The
decreasé in true surface area due to levelling and the
irreversible formation of sulfide are factors that preclude

the application of the simple site—ﬁlocking theory to inter-

pret the overpotential increase caused by
#

e

. The sulfur determinations'indicate
the predomingnt form in which the sulfui from
occluded in the deposits. The phbtomicrograph of a crystal -
of complex on the surface of the deposit (Figure 37) proves

that relatively large érystg}s-of complex may also be ¢

occluded, but .the anaiyses sﬂow that ,this contribution is

felatively small. While electron‘yicroprobe analyses appar- o
ently show the distribution of sulfur in the deposit to be
non~-random, the resolution of approximately 3 x 10" R does

not allow the size of the individual sulfur occlusions to be

I ° ~

determined.
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Steinemann and Hintermann (154) used transmission
electron microscopy to investigate occlusions in copper
electrodeposited from an acid copper sulfate solution contain-
ing thiourea (5 mg/1) and pyridine (20 mg/l). They made one
deposit at 2 A/dm?, which they found to contain appyroximately
1.9 x 10'7 occlusions per cubic cemtimeter, with an average
occlusion diameter of 25 g (resolution, 6 to 7 :). For the
given conditions of deposition, the total volume of occluded
material constituted approximately 0.3% of-the total volume
of the deposit. The chemical nature of the occlpsions was
not determined, but if it is assumed that the occlusions were

ntirely sulfide ion (i.e. negligible pyridine), with a.
diameter of approximately 3.7 :, it may belestimated that
the deposit shou}d contain 0.01 to 0.04 wt % S. fhis
sulfur content is in good agreement with values that would be
expected on the basis of sulfur contents determined in the
present study. Moreover, the average diameter, 25 : , of
the occlusions would correspond to the order of 100 to 300
sulfide ions in each occlusion. Such aggregates might well
correspond to the occlusion of relatively large aggregates
of complex that presumaply form in the solution, or in the
diffusion layer, as crystél nuclei. These nuclei could
be adsorbed onto the cathode surface and, because of the ©
copper-éulfur bridging bonds in the "polymeric”" complex,
suf?zi reduction to sulfide by charge transfer through these

bonds. The potential required for this reduction would
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probably increase with increased size of the adsorbed ﬂhclei.'
With sufficiently large agglomerates, electroreduction might
fail to occur, and the larger crystals'retain their identity
in the deposit, as observed (Figure 37), The potential
required for reduction of the complex could not be determined
with the galvanostatic method used in this investigation,
but it could be found by measuring the ratio of carbon to
sulfur occluded under potentiostatic conditions. The elec-
trode potential at which the carbon-to-sulfur atom ratio
deviated from unity would represent the minimum average elec-
trode potential required for electroreduction of cupric or
cuprous—-thiourea complexes. However, from the data on elec-
trode polarization, and sulfur occlusion in deposits obtain-
ed from solutions containing thiourea, reduction of the
complex must have occurred in the potential range from + 300
to approximately O mV (vs SHE) under the present conditionsi
Reduction should occur, presumably, at any localized
area on the electrode where the required minimum potential for
reduction is attained. If this be true, a tentative explana-
tion may be offered for the levelling effect of thiourea in

copper electrodeposition.

In practice, a real electrode surface must represent
a rough surface with various protrusions and outside edges.
The local electric field strength in these areas should be

higher than on level parts of the electrode or in recesses
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. and cavities. In the absence of thiourea, these areas‘of

high field strength would be expected to carry a higher

&

v

current density and to grow a deposit more rapidly thén-the
areas of lower electric field strength. In the presence of
\thiourea, the opposite is found to occur (51) and 'only small
amounts of copper with a high concentration of occluded
sulfur are deposited on the peaks. Several workers have
attributed this apparent reversal to variations in thickness
2 Q& of the diffusion layer over protrusions and recessed parts
by of the electrode surface (c.f. General introduction, diffus-
‘}on theory, p. 12, also ref. (48) ). However, an alternative
explanation of the levelling effect is possible if it is ”‘\
assumed that adsorption onto the electrode of cuprous-thio-
urea complex (in the form of molecules and/or of crystal
nuclei) possesses a degree of reversibility at potentials
lower than that required for reductipn to suléide, while
reduction to sulfide in areas of higﬁ fiela strength (i.e. on
the peaks) leads to irreversible blockageiof these areas.
Deposition would then occur around the;:”;ulfide océlusions,
preferentially‘in the areas of lower field strength where
reduction to sulfide does not occur as readily. With progress
+  of the levelling process, selective redgEE}on and inhibition

to deposition should decrease, and continuity of the levelled

| " surface become more prevalent.
7

o

The decrease in levelling powé:_gpen solutions of

. thiourea in acid copper sulfate are aged cannot be explained

~
~
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by complete conversion of tﬁioureaﬂto the disulfide, since a
large fractf;n of tﬁe.thiourea is converted to cuprous-
thiourea compiexes, which brotect the coordinated thiourea
froﬁ oxidation py cupric ion. The cuprous-thiourea complex
is also too stable to attribute the change to its oxidation
by atmospheric oxygen. The decreased amount of sulfur
occluded with aged solutions might be interpreted to indicate
that the cupric-thiourea complex initially forméd is the .
only surface-active species. However, this would seemfto be
contrary to the observation that plating baths reta?n their
levelling powers even after sufficient time has passed to

allow complete conversion of the cupric complex to cuprous

complexes and formamidinedisulfide.

It is possible that the change in levelling power
with ageing has its origiﬁ%&n the aggregation of cuprous-
Fhiourea complex to form crystal nuclei and eventually micro-
scopic and macroscopic crystals. These polymolecular species,
like their monomeric progenitors, might have the beneficial
properties of an addition agent, but it is reasonable to
expect that their effectiveness should decrease with increase
_in size. For exgmple, four nuclei each cqntaining one hundred
comple; units might reasonably be expecﬁedcio be more effec-
tive in levelling than one larger nuéleusocontaining 400 ‘
complex units. The levelling powers of thiourea in copper

sulfate electrolyte should therefore decrease as the cuprous-

thiourea complexes contribute to continued growth of crystal



.nuclei during the ageing process. At very low thi n-

centrations (> 10 ® M), it requires two or more weeks for
crystals to become visible to the naked eye. During this
time, however, polymolecular nuclei .of complex must obvious-
ly be present in the solution. 1In a commercial system that
is electrolyzed continuously (e.g. copper electro-refining),
the occlusion of various species during deposition would prob-
ably be too rapid to pérmit formation of visible crystals of
complex. Nevertheless, a progressive deterioration of the
levelling effects of bright copper baths that-céntéin higher
thiourea concentrations might Qé ascribed to the gradual
disappearancekof molecular complexes to form less effective
polymolecular aggregates, without the appearance of macro-
scopic crystals.

/ >
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GENERAL REMARKS

In contrast to the present investigation, no previous

¢

study of.addition agents appears to have given prior considera-

tion in any detail to t possible chemical interdqtions E§§
between»the additive d the electrolyte in the absence of
electgbdéposition. Failure of previous workers to examine

the thermodynamic and kinetic characteristics of such reac-

-
P

tions between thiourea and the electrolyte, and to establish o
definitely the identity of various species produced, probably
‘accounts for the conflicting éxperimental data that have been

published.

As one example of the advantages gained by £ e type

of approach maée in the present study may be cited jhe

observation that much of the thiourea is oxidized to formami._
dinedisulfide, which possesses appreciable stability at the’

high acid concentrations and relatively low temperatures used,

but apparently does not contribute significantly as a levell-

ing agent. - The significance of its formation and continued

presence in the system must therefore be evaluated in this . R

context.

As "another example, it may be recalled that the
i
thiourea complex with the UV absorxption band at 340 nm was
revealed by detailed study to be a cupric complex rather

’ * ! .

‘than a cuprous complex, as suggested Ey Javet and Hintermann. /)
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The mistaken identity attri?uted to it by these investigators
made them unable to explain the observation that Fhe absorﬁ%nce
of the band at 340 nm decréased more rapidly in the anode
compartment than in the cathode compartment of their cell dur-
ing electrolysis (156). Since the cathodic consumption of
thiourea had been shown to be diffusion controlled under these
conditions (151), it was obvious that the anodic consumption
of thiourea could not be faster if it,tbo, relied on diffus-
ion of the same species. Howgv;r, the decrease with time of
the band intensity is due not only to "consumption" of
thiourea at the electrodes, but also to the conversion oé the
cupric-thiourea ion to the cuprous complex with a lower molar
absorptivity in the region of the absorption maximum.\ The
reaction of thiourea with anodically generated cuprous ibns
corresponds, therefore, to a more rapid apparent consumption
(measured by UV) anodically than cathodically and the seeming

contradiction is explained.

Even more detailed information about the reactions
and equilibria involving Fhiourea and the électrolyte, and
about the formation and incorporation of sulfide during elec-
trodeposition, will probably be required for .more complete
elucidation of the additiep agent behaviour sf thioytea.
Attempts to clarify the relation between the physico-chemical
and eléct;ochemical aspects of the system would seem éo have

cons{ggfaﬁle advantage over the more conventional approach in

which electrochemical and physical data,'such as polarization,

-

P
- w )
P T . - am et
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reflectance, double layer capacitance, etc., are emphasized,
with little attention to their” dependence on the chemical

reactions that may underlie the electrochemical behaviour.

Perhaps the mos t interesting conclusion to emerge

from the chemical and electrochemical studies.that have been

\

presented is that the levelling and brightening effects of
thiourea as an addition agent are to be attributed to the
monomolecular complexes of thiourea with cupric and cuprous
ions, and the polymolecular cuprous-thiourea complexes. The

uncomplexed thiourea molecule appears to contribute little or

nothing to the beneficial effects that accrue from its “_,—’{

1

presence in the electrolyte. It igs interesting to note that
the sequence of reactions proposed to explainilevelling‘and
brightening by thiourea necessitates the occlusion of
appreciable quantities of sulfide in the deposit. I; would
appeaf likely that a certain range of sulfur contents 6f the
deposits wili giveasmooth and bright copper deposits. Too

much or too little sulfur seemingly is deleterious to the -~

process.

a

Pd

The sulfur-copper ratio in the deposit is governed
by the applied current density, which controlé th? rate at-
which copper is depositéd, and by the rﬁte at whi;h complexes
of thiourea arrive at the cathode. At a sufficiently high
cathode overpoteqtiél, all complex arriving at the cathode

will be reduced to sulfide ahd the cathodic consumption of

L



189

|
thiourea will be diffusion controlled. Therefore, the

proper (optimum) flux of copper-thiourea complexes at the

!
cathode may be maintained by adjusting either the bulk

thiourea concentration in an unstirred solution, or by
(S .
stirring the electrolyte and lowering the thiourea concen-
\ .

- ’

tration correspondingly.

N

/

. _
In view of the specific sﬁlfur‘éopper ratio

'

apparently required for a bright deposit, it may be arqued
that cdpper sulfide is specifically responsible for modifying

the deposit. 'The complexes of thiourea can then be regarded

simply as a source from which. copper sulfide is generated

in those areas where it is required for levelling to occur,
. ¥
e.g., at micro-peaks on the surface.

’ . 7

”

v

‘ Fof a more complete description of the system, it
would seem desirable to determine to y@ét extent the sulfide
is generated from the méggmeric compie# ions téuTu]2+ and
[Cu'ru]+ rathe€x than from polymolecular ;aggregates of cuprous-
thiourea complex. At'the'present‘time, however, there‘fs
no method av&ilable for studying copper deposits with a
resolution sufficient Eo determine: single atoms of sulfide
in a copper ‘lattice. A metﬁod such as transmission electron
microscopy might enable estimation of the amount of sulfur
contained in the larger occlusions in the deposit. This, in

{
conjunction with "a."value for the total sulfur content of

the deposit (electron mic}oprobe analysis) shouid then give,

. -

14
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‘ indirectly, an indication of the amount of sulfur occluded
in the deposit ig/xh§ form of éingle molecules of copper {
sulfide.

I

Some other points that merit further study are the
adsorption-desorption of thiourea (in the form of its

o

cdprous complexes) at copper surfaces andsstudy ofktha.growth
5 .

of polymolecular assemblies of cuprous-thiourea complex in
the eleclgolyte. As mentioned previously, the data that
supposedly refer to adsorption of thiourea at copper were
obtained under experimental conditions that favoured hydroiysis
of cuprous-thiourea complexes to copper sulfide. It is doubt-
ful, therefore, that they represent true adsorption of
thiourea. As a consequence, thgre are no quantitative or

. even qualitative results available that might give informa-

tion about the strength of the adsorption bond, or the ease

with which adsorbed complexes might desorb from ig; copper.

A study of the growth of polyﬁblecular aggregates of
cuprous thiourea complex Thight yield data on the size of
’these particles at various times after addition of thiourea
to the electrolyte. These values might then be correlated )
with the levelling power of the bath aﬁd the amounts of ‘l
sulfur and carbon occluded in the deéosits obtained from
these systems. 1In this way, the'relative addition agent o’

powers of the particles with increasing .size might be

assessed, to enable optimum levelling and brightening to be

4

e

e
o
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'
. established and maintained in solutions of acid copper:

e

sulfate that use thiourea as addition agent.
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> 1

SUMMARY AND CONTRIBUTIONS TO KNOWLEDGE ’ '

Formamidinedisulfide sulfate has been shown to exist as
the monohydrate, rather than the anhydrous salt claimed

by previous workers.

In acid solution, the hydrolysis of formamidinedisulfide

‘ 3
approximated the classical Schiller-Otto stoichiometry,

with 1.5 moles of thiourea produced for each mole of

disulfide that was hydrolyzed.

The rate of the hydrolysis in acid solution was determin-
ed from the initial rate of change of absorbance of the
disulfide sglution at the wavelength of maximum absorb-
ance for thiourea. This method was applied‘to both
formamidinedisulfide and di—(teéramethylformamidine)dif
sulfide in hydrochloric acid ‘solution and the hydrolysis

reactions were found to obey the rate expression
1

Rate = k [disulfide][hydroxide]

I3

The activation enefg? and.entropy of activation over
the range 20 to 40°% for %?p hydrolysis of formamidine-
disulfide at pH < 4 were f;;nd to be 7.8 kcal mole !
and -2 e.u. respectively. The corresponding values

for di-(tetramethylformamidine)disulfide were 1.8 kcal

mole~! and' 16 e.u..
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. The stoichiometric and kinetic data were in agree-
ment with nucleophilic attack by hydroxide ion at the
disulfide bond, with cleavage of the -S-S5- bond in
the transition complex constituting the rate-determin-

ing step.

4. At pH > 5, the Q}drolysis of formamidinedisulfide was
too rapid for kinetic study, but the gtoichiometry was
in agreement with a mechanism that involved deprotona-
tion of the amidinium group by hydroxide ion as the
first step. This mode of hydrolysis led to the

immediate formation of elemental sulfur.

5. Trithioureadicuprous sulfate monohydrate has been
isolated as a new, insoluble complex in the reaction
of thiourea with a large excess solution of 0.5 M

cupric sulfate in 1.0 M sulfuric acid. A band at

250 cm ! in the Raman spectrum of the compound has
been tentatively assigned to a copper-sulfur stretch-

"ing mode.

v

6. The UV absorption maximum found at 340 nm when thiourea
i§ added to acid copper sulfate solution has been
assigned to a cupric-thiourea ion with a molar absorp-
tivity of approximately 3300 M ! cm ! and a stability
constant at 25°C of 2.2 ¢ 0.2 in solutions of cupric
sulfate and sulft;ric acid. The absorption is due to

. a charge transfer from sulfur to cupric ion in the
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@

sulfur-bonded complex. The value of the absorbance
k)

at times other than t -~ 0 is a superposition of the

charge transfer band and absorbance due to cuprous-

thiourea complex.

Dark red needles of di-(tetramethylthiourea) eupric
chloride have been prepared in high yield from soclu-
tions in isopropanol. Broad absorption bands of the
solution of the complex in the region of 410 ané

520 nm are apparently caused by at least two differ-
ent species involving cupric chloride and tetramethyl-

thiourea.

In dilute aqueous solution tetramethylthiourea is

rapidly and completely oxidized by cupric ion to di-

L

(tetramethylformamidine)disulfide.

s

The colorimetric determination of sulfate ion with
barium chloranilate has been adapted to the estimation

of. sulfur compounds occluded in electrodeposited copper

at a level of approximately 0.05 wt % sulfur.

Previous workers:have demonstrated cleavage'of the
thiourea moleculéHAuring electr?deposition (usiﬁg
radiotracers),qandothe sulfur was assumed to be

present in the form of sulfide.. No chemical proof was
given, however, to support this claim. In this inves-

tigation it has been shown that at thiourea concentra-

‘%

-

[ “
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tions above 10" % M in the electrolyte the occluded
!

sulfur is present in the déposit almost exclysively in
. ’ ; |

the form of sulfide.

-

11. Cuprous-thiourea complexes in aqueous solution are

R

electrochemically reduced to copper sulfide at cathodes-

of copper or platinum,

¥

12, Formamidinedisulfide appears to)have little effect
upon electrodepositibh from acid copéer sulfate solu-

A

tion af current densitfés less than approximately

4 A/dm?.

AY

13. The ungopplexed thiourea molecule has little or no

ffect t depasition process. ,

14. Copper sulfide-formed by reduction of cuprous and’
cupric complexes of thiourea was responsible for

changes in the_ structure of copper electrodeposited

from agid copper sulfat® solutions to which tﬁiod{;a

g Sy

had been a =wjigvelling and brightenigg may be

//EXplained by preferred reduction of complexes of

Al f

thiourea at pegks on the electrode. .

15. The decrease in the levelling powers‘of the bath

with time aftetr addition of thiourea appeared to be-

—

caused by agglomeration of monomolecular complexes °
of ‘thiourea with cuprous ions to °form polymolecular

anregétes of insoluble complexes of thiourea with

%
< ~_ .8

{
-t ° . : .

»
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cuprous sulfate. ) , 7

The site blocking theory is not applicable to explain

\

quantitatively the high “overpotentials measured for

copper deposition ‘from electrolyte contaifning thiourea. -

~

With thiourea as addition agent for acid copper -

sulfate baths, levelling and brightening of the deposit

are not possible without the occlusion of appredigblé

quantities of sulfide ( > 0.01 wt % sulfur).

-~ ' o
*
4
o -
2 .
¢ . v_\
o .
-
\‘ o
LY
\m l L‘
L 7
i »
. . o
. '
- \' . . ? % o
¥
hd -
-
Lt
/u N




REFERENCES

v
*
.
’
t
«
P
[ ]
[
B
'
P
-
.
. i
. .
e
<

"



10.

11.

12.

13.

14.

15.

le.

197

REFERENCES -

"Modern Electroplaﬁing', 2nd Edition, Ed. by
F.A. Lowenheim, J. Wiley and Sons, Inc. (1963).

S.J. Walden, S.T. Henriksson, P.J. Arbstedt and
T. Mioen, J. Metals 11, 528 (1959).

P--A. Van Der Meulen and H.V. Lindstrom, J. Electro-
~ chem. Soc. 103, 390 (1956).

R. Taft, Trans. Electrochem. Soc. 63, 75 (1933).

'

C.W. Bennett, Trans. Amer. Electrochem. Soc. 33,
233 (1913). '

J.H. Winkler, Trans. Electrochem. Soc. 80, 520 (1941).

F.L. Clifton and W.M. Phillips, Proc. Amer. Electro-
platers' Soc. 30, 92 (1942). ’

R.M. Morgart and O.E. Panchuck, J. Appl. Chem., USSR, , 4
32, 851 (1959). ‘ .

A.V. Pamfilov, O0.E. Panchuck and G.G. Kossyi,
J. Appl. Chem. USSR, 32, 1433 (1959).

G.T. Rogers, M.J. Ware and R.V. Fellows, J. Electrochem.
Soc. 107, 677 (1960).

A.A. Sutyagina and K.M. Gorbunova, Zhur. Fiz. Khim.
35, 2515 (1961). ; ¢

{
J. Edwards, Trans. Inst. Met. Fin. 41, 140 (1964).

J. Edwards d M.J. Levett, Trans. Inst. Met. Fin.
41, 147 (1964). ) v

J. Fldchowsky and K.H. Heckner, Z. Phys. Chem.
(Leipzig) 220, 169 (1962). -

J lachowsky and K. H. Heckner, Z. Phys. Chem.
(Leipzig) 221, 379 (1962).

S. Kuriki, M. Sato and M. Maeda, Japanese J. Appl.
Phys.'10, 604 (1971).

- L



e e——

21.

22.

23.

24.

25.

26.

27.

28.

29.

30.

31.

32.

33.

v ' _ 198

"Techniques of Electrochemistry", Vol. 1,- Ed. by

E. Yeager and A.J. Salkind, Wiley-Interscience (1972).

E. Raub and K. Miller, "Fundamentals of Metal Deposition",

Elsevier Publishing Corp. (1967).

J. O'M. Bockris and G.A. Razumney, "Fundamental
Aspects of Electrocrystallization”, Plenum
Press (1967).

H.R. Thirsk and J.A. Harrison, "A Guide to the Study of
Electrode Kinetics", Chapt. 3, Academic Press
(1972).

H. Fischer, "Elektrolytische Abscheidung und .Elektro-

kristallisation von Metallen", Springer Verlag (1954).

4

,J.K. Prall and L.L. Shreier, Trans. Inst. Met. Fin. 41,

29 (1964).

H. Schneider, A.J. Sukava and W.J. Newby, J.Electro-
chem. Soc. 112, 569 (1965).

A.J. Sukava, H. Schneider, D.J. McKenney and
A.T. McGregor, J. Electrochem. Soc. 112, 571 (1965).

A.K.P. Chu and A.J. Sukava, J. Elecérochem. Soc. 116,
1188 (1969).

R.O. Loutfy and A.J. Sukava, J. Electrochem. Soc. 118,
216 (1971).

R.S. Salter, P. Seto and A.J. Sukava, J. Electrochem.
- Soc. 119, 852 (1972). ’

€

L.L. Shreier and J.W. Smith: Trans. Faraday Soc. 30,
393 (1954). ~ « ;

W. Gauvin, Ph.D. Thesis, McGill University, (1945).

J. Llopis, J.M. Gamboa and L. Arizmendi, Comt.Rend.
9 iéme Réunion CITCE, p.448 (1957).

T. Mine, R. Tominaga and T. Seryama, Denki Kagaku 35,
472 (1967).

D.R. Turner and G.R. Johnson, J. Electrochem. Soc. 109,
. 798 (1962).

D.R. Turner and G.R. Johnson, J. Electrochem.Soc. 109,
918 (1962)- ~ -~ . .

~



34.
35.

36.

37.

38.

39.

40.

41.

42.

43,

44.

45.

46.

47.

48.

49.

50.

199

; :
K. Schwabe and A. Eckhardt, Monatsh. Chem. 102, 64 (1971).

G. Lahousse and L. Heerman, Bull. Soc. Chlm. Bélges 80,
125 (1971).

S.S. Kruglikov, Yu.I.Sinyakov and N.T.Kudryavtsev,
Soviet Electrochem. %& 93 (1966).

Ph. Javet and H.E. Hintermann, Electrochim. Acta 14,
527 (1969). '

E. Raub and T. Schiffner, Melalloberfliche 25, 114 (1971).
S.S. Kruglikov, Yu.I. .Sinyakov and N.T.Kudryavtsev,
Tr. Mosk. Khim.-Tekhnol. Inst. 49, 130 (1965).

Ph. Javet and H.E. Hintermann, Chemie-Ing.-Tech. 36,
-679 (1964).

A.J. Sukava and C.A. Winkler, Can. J. Chem. 33, 961 (1955).

A.F. Vozisov, V.N. Lapp and L. Ya. Dubrovskaya, Tr.
Ural'sk. Nauchno. Issled.i Proektn.Inst. Medn.
Prom. 1963(7), 371.

B. Ke, J.J. Hoekstra, B.C. Sison,Jr., and D.Triviéh,
J. Electrochem. Soc. 106, 382 (1959),

'J.J. Hoekstra and D. Tr1v1ch J.Electrochem.Soc. 111,

162, " (1964). / g

J. Llopis, J.M. Gamboa and L. Arizmendi, Electrochim.
Acta 3, 75 (1960).

'J.Llopis, J. M. Gamboa, L. Arizmendi and F. Alonso,

J. Electrochem. Soc. 109, 368 (1962).

J. Llopis, J.M. Gamboa, L. Arizmendi, F. Alonso and
J.A. G6mez~Minana, An. Real. Soc. Esp. Fis. y
Quim. 61B, 383 (1965)

0. Kardos and D.G. Foulke, "Advances in Electrochemis-
try and Electrochemical Engineering", Vol. 2,
C.W. Tobias, Ed., Interscience Publ. (1962), p.145.

S.E. Beacom and B.J. Riley, J. Electrochem. Soc. 106,
309 (1959).

S.E. Beacom and B.J. Riley, J. Electrochem. Soc. 107,
785 (1960).




51.
52.
53.
54.
55.
56.
57.
58.

59.
60.
61.
62.
63.
64.
65.
66.

67.
68.

69.

70.

200

E: Hans, Schweiz. Arch. Angew.Wiss. Tech. 35, 21; (1969) .
B. Rathke, Ber. Bunsen Ges. Phys.Chem.17, 297 (1884)"

J. BSeseken, Proc. Acad. Sci. Amsterdam, 39, 717 (1936).
A. Claus, Ann. Chem. 179, 135 (1875).

L. Storch, Monatsh. Chem. 11,452 (1890).

G. McGowan, J. Chem. Soc. 49, 190 (1886).

E.A. Werner, J. Chem. Soc. 101, 2166 (1912).

G. Toennies, J. Biol. Chem. 120, 297 (1937). »

A. Albert, R. Goldacre and J. Phillips, JfChem. Soc.
2240 (1948).

0. Foss, J. Johnsen and O. Tvedten, Acta Chem. Scand.
12, 1782 (1958).

C.R. Redpath and J.A.S. Smith, Trans. Faraday Soc.
58, 462 (1962).

P.W. Preisler and L. Berger, J. Amer. Chem. Soc. 69,
322 (1947).

E.E. Reid, "Organic Chemistry of Bivalent Sulfur",
Vol. 5, Chemical Publishing Co. Inc. p.28, (1963).

F. Arndt, E. Milde and G. Eckert, Ber. Bunsen Ges.
Phys. Chem:. 54, 2236 (1921).

F. Fichter and W. Wenk, Ber. Bunsen Ges. Phys. Chem. 45,
1373 (1912). ,

F. Fichter and F. Braun, Ber. Bunsen Ges. Phys. Chem. 47,
1526 (1914)

F. D Ange11 and A. Illceto, Ricerca Sci. 29, 1687 (1959).

L.D. Freedman and A.H. Corw1n, J. Biol. Chem. 181,601
(1949). !

T.v?r Zegzhada, L.G. Lavrenova, V.M. Shulman and
T.A. Ust'yantseva, Sov. Electrochem. 6, 437 (1970).

K.S.V. Santhanam and V.R. Krishnan, Z. Phys. Chem.
(Frankfurt) 34, 312 (1962).

o



71. S.J.

{

,!r
Reddy and V.R. Krishnan, J. Electroanal.Chem.
27, 473 (1970).

72. E. Storfer and G. Walter, Monatsh. Chem. 65, 21 (1935).

73. E. Storfer, Monatsh. Chem. 70, 236 (1937).

74. E.I.

75. T.J‘

76. L.A.

77. V.M.

78. ‘U.D-

Onstott and H.A. Laitinen, J. Amer. Chem. Soc.
4724 (1950).

Lane, J.V. Quagliano and E. Bertin, Anal. Chem. |29,
481 (1957)

Shashcheva, M.I. Usanovich and T.N. Sumarokova,
Zh. Obsh. Khim 32, 2412 (1962).

Shulman, A. Sarel'eva and ‘L.F. Igrunova, Izv.Sib?
Ootd. Akad. Nauk SSR, Ser. Khim. Nauk. 54 (1966(3))

Gomwalk and A.McAuley, J.. Chem. Soc., A., 2948 (1968).

79. A. McAuley and U.D. K Gomwalk, J. Chem. Soc., A. 977 (1969)..

80. H.C.

Mruthyunjaya and A.R.V, Murthy, Anal Chem. 41,
186 (1969).

8l. J. Bdeseken, Proc. Acad. Sci. Amsterdam 41, 70 (1938).

82. J. BOeseken, Rec. Trav. Chim. Pays-Bas 55, 1040 (1936).

83. J.P.
84. J.P.

85. D.R.

4
Danehy and W.E. Hunter, J. Org. Chem. 32, 2047 (1967).
Danehy and V.J. Elia, J. Org. Chem. 37, 369 (1972).

Hogg and P.W. Vipond, Int. J. Sulfur Chem., C., 6,
17 (1971).

<

86. H. Lecher, F. Graf, C. Heuck, K. Koberle, F. Gnadinger

87. R.HI

88. J.P‘
/

89. J.P.

90. J.P.

+

-

and F. Heydweiller, Ann. Chem. 445, 35 (1925).
Sahasrabudhey, J. Indian Chem. Soc. 29, 901 (1952).

Danehy and J.A. Kreuz, J. Amer. Chem. Soc. 83,
1109 (1961).

Danehy and V.J. Elia, J. Org. Chgm. 36, 1394 (1971).

~ Danehy, C.J. Lavelle and V. J. Elia, J. Org. Chem.
36, 1003 (1971).




° 202

91. J.P. Danehy, Int. J. Sulfur Chem. B., 6, 103 (1971).

92. J.P. Danehy and K.N. Parameswaran, J.Org. Chem. 33,
568 (1968) . \

93. R. Zahradnik, Coll. Czech. Chem. Comm. 24, 3678 (1959). -,
94. M.J. Janssen, Rec. Trav. Chim. Pays-Bas 81, 650 (1962).

95. G.Pass and H. Sutcliffe, "Practical Inorganic Chemistry".
Chapman and Hall Ltd. pp.74-76 (1968).

96. G. Pratorius-Seidler, J. Prakt. Chem. 2 ,21, 129 (1880).

97. A. Rosenheim and W. Lowenstamm zZ. Anorgan Chem. 34,
62 (1903). : .

98. V. Kohlschiitter, Ber. Bunsen Ges. Phys.Chem.36, 1151 (1903) -
99. G. Walter, Ber. Bunsen. Geﬁé Phys. Cﬂem. 64,1087 (1931).

100. G. Walter and E. étorferﬂ Monatsh.Chem. 65,53 (1935).

101. G. Walter and E. Storfer, Monatsh.Chem.65, 53 (1935).

102. G.wWalter and E. Storfér,ﬂonatsh.Chem. 65, 59 (1935).

103. L.Cavalca, M. Nardelli and A. Braibanti,Gazz.Chim.Ital.
87, 912 (1957).

104. P.Job, Ann.Chim. Phys. 9, 113 (1928).

105. Ph.Javet and H.E. Hintermann, Microtechnic. 23, 175 (1969).
106. W.D. Kummler and G.M. Fohlen,J.Amer.Chem.Soc.64, 1944 (1942).
107. G. Devoto,Gazz.Chim. Ital. ég, 520 (1930).

108. E. Bergmann and A. Weizmann, Trans. Faraday Soc. 34,
783 (1938). )

109. A. Clow, Trans. Faraday Soc. 34, 457 (1938). \
110. St. Sunner, Acta Chem.Scand. 9, 847 (1955).
111. 0. Foss and S. Husebye,Acta Chem.Scand. 20, 132 (1966).

112. 0. Foss, K. Johnsen, K. Maartmann - Moe and K. Har#y.
Acta. Chem. Scand. 20, 113 (1966).

o



o

203

113. 0. Foss and K. Margy, Acta Chem. Scand. 20, 123 (1966).

114. L. Cavalca, G.F. Gasparri, G.D.- Andreeti and P.Domiano,
Acta erst. B22, 90 (1967).

115. E.M. Vizzini and E.L. Amma, J. Amer. Chem. Soc. 88,
" 2872 (1966).

116 R.G. Vranka and E.L. Amma, J. Amer. Chem.Soc. 88,
4270 (1966).

117. w.A. Spofford III and E.L. Amma, Acta Cryst. B26,
1474 (1970).

118. W.A. Spofford III, E.A. Grlfflth and E.L. Amma, «Chem.
Comm.533, (1970)

119. M.B. Ferrari, L.C. Capacchi, G.G. Fava, A. Montenero
and M. Nardelli, Kristallografiya 17, 22 (1972).

120. W. Kutzelnigg and R. Mecke, Spectrochim, Acta 17,
530 (1961). . .

121! M.J. Janssen, Spectrochim. Acta 17, 475 (1961).

122. A. Montenero and C. Pelizzi, Inorg. Chim. Acta 6, 644
(1972).

123. G.W. Watt and J.S. Thompson, Jr., J. Inorg. Nucl.
Chem. 33, 1319 (1971).

124. K. Nakamoto, J. Fujita, S. Tanaka and M. Kobayashi,
J. Amer. Chem. Soc. 79, 4904 (1957).

125. C.D. Flint and M. Goodgame, J. Chem. Soc., A, 744 (1966).
126. D.M. Adams and J. B. Cornell, J. Chem. Soc. A, 884 (1967).

127. K.S. Klausen and’ F.J. Langmyhr, Anal. Chim. Acta 28,
335 (1963).

“128. B. Cilento and D.L. Sanioto, Z. Phys. Chem. (Leipzig),

- 223, 333 (1963).

¢ - ]
129, J.L. Walter, J.A. Ryan and T.J. Lane, J. Amer. Chem.
Soc. 78, 5560 (1956).
130. O. Piovesana and C. Furlapi, J. Inory. Nucl. Chem. 30,
1249 (1968). , N



204

131. K.R. Bhaskar, R.K. Gosavi and C.N.R. Rao, Trans.

o

Faraday Soc. 62, 29 (1966).

132. C.N.R. Rao, "Ultra-vViolet and Visible Spectroscopy",

133.

134.

135.
136.

137.
138.
139.
140.
141.
142,
143.

144.

145,
146.

147.

2nd Ed., Plenum Press, pp.l47-163,1(19§7).

Ph. Javet and H.E. Hintermann, Microtecnic 24; 176 (1970).

i

J.L. Franklin, J.G. Dillard, H.M. Rosenstock, J.T.Herron,

K. Draxl and F.H. Field, "Ionization Potentials,
Appearance Potentials, and Heats of Formation of

Gaseous Positive Ions", NBS - U.S. Dgpt. Commerce,
NSRDS-NBS26, pp.183-184 (1969)/7ﬂ
P. Hemmes, J. Amer. Chem. Soc. 94, 75 (1972).

S.S. Kruglikov, N.T. Kudrlavtsev, G.F. Vorobiova and
A. Ya. Antonov, Electrochim. Acta 10, 253 (1965) .

Ph. Javet, N. IbL and H.E. Hlntermann Electrochlm.
Acta 12, 781 (1967).

N.V. Gudin, Yu, E.Gerenrot 'and M.S. Shapnik, Ukr. Khim.
zh. 33, 854 (1967).

R! Piontelli, G. Bianchi and R. Aletti, Z. Elektrochem.
56, 86 (1952).

R. Piontelli, G. Bianchi, U. Bertocci, C. Guerci and
B. Rivolta, Z. Elektrochem. §§, 54 (1954).

R. Piontelli, Z. Elektrochem. 59, 778 (1955).

M.A. Genshaw, "Techniques of Metals Research", Vol. 4,
Part 2, Ed. by R.A. Rapp, Chapter 6A, J. Wiley and -
Sons, Inc., (1970).

R.C. Turner and C A. Winkler, J. Electrochem. Soc. 99,
78 (1952). 4‘

N. Ibl, Comt. Rend. 8i&me REunion CITCE (1956), p.1l74.

A. Tvarusko and L.S. Watkins, J. Electrochem. Soc. 118,
248 (1971). , f

A. Tvarusko and L.S. Watkins, J. Electrochem. Soc. 118,
580 (1971). 7

H. Kinoshita, T. Hayashi and T. Ishida, Denki Kagaku 34,

42 (1966) .

v v

v



¢ | 205

148. A.A. Sutyagina, Zav. Lab. 24, 43 (1958).

149. S.M. Kochergin and L.L. Khonina, zZh. Prikl.Khim. 36, 673
(1963).

150. A.M. Kolbasov, A.V. Aleksandrov, N.A. Panov and
N.A. Katerova, Sov. J. Non-Ferrous Met. 21, (Nov. 1969).

151. s.S. Kruglikov, N.T. Kudryavtsev and Y.I. Sinyakov,
Trans. ‘ﬁft' Met. Fin. 44, 152 (1966).

152. Ss.C. Barnes and G.G. Storey, J. Electrochem. Soc. 106,
1081 (1959). .

153. S. Okada, S. Magari and K. Katsui, J. Electrochem.Soc.
103, 557 (1956).

154. s. Steinemann and H.E. Hintermann, Schweizer. Arch.
Angew.Wiss. Tech. 26, 202 (1960).

-»

155. E.M.Hofer and H.E. Hintermann, J. Electrochem. Soc. 112,
167 (1965).

156. H.E. Hintermann, Schweizer Arch. Angew. Wiss. Tech.
35(7), 3 (1969).

157. Yu, M. Polukarov and Yu.D. Gamburg, Sov. Electrochemn.
2, 449 (1966). '

158."Yu, M. Polukarov and V.A. Kuzne%sov, Zh. Fiz. Khim.
36, 2382 (1962).

159. Yu, M. Polukarov, Sov. Electrochem. 2, 937 (1966).

160. D.A. MacInnes, "The Principles of Electrochemistry",
Dover Publications, Inc., Chapt. 2 (1961).

161, W.H. Gauvin and C.A. Winkler, J. Electrochem. Soc. ﬁgﬁ*
447 (1952). -

162. ' s. Venkatachalam and C.A. Winkler, J. Electrochem.
Soc. 115, '591 (1968).
e
163. F.G. Houtermans, D. Vincent and G. Wagner,
2. Elektrochem. 56, 944 (1952).

l64. R.J." Bertolacini and J.E. Barney, II, Anal. Chem.
" 29, 281 (1957).



165.

166.

167.

168.

169.

170.

R.J. Bertolacini and J.E. Barney, II, Anal. Chem. 30,
202 (1958). -

R. Turse and Wm. Rieman, III, Anal. Chim. Acta 24,
203 (1961). "

D.G. Biechler, Anal. Chem. 37, 1054 (1965).

V.M. Shul'man, A. Sarel'eva and L.F.CIgrunova, Izv.
Sib. otd. Akad. Nauk. SSSR, Ser. Khim, Nauk, 54,
(1966 (3)) .

V.I. Ginzburg and ‘G.I. Viger, Zh. Analit. Khim. 17,
631 (1962).

W. Gauvin and C.A.“Winkler, Can. J. Research 21B,
81 (1943). \:

W. Gauvin and C.A. Winkler, Can. J. Research, 21B,
125 (1943). -

W. Gauvin and C.A. Winkler, Can. J. Research, 213,

37 (1943). .

I.M. Novoselskii, N.I. Konevskikh, L. Ya.Egarov and
E.P. Sidorov, Elektrokhimiya 7, 893 (1971).

206

4



