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INTRODUCTION

General Introduction

The widespread use of peroxide type compounds as
initiators of polymerization reactions has stimulated much
interest in their chemical properties 1n general and in
their modes of decomposition in particular. Such initiator
systems were observed to be much more effective when a re-
ducing agent was present with the oxidizing agent to form a
system usually designated as a redox catalyst. Potassium
peroxydisulphate, more familiarly known as potassium per-
sulphate, is an example of such @ compound and has received
wide application a&s a polymerization initiator or catalyst
(1, 2, 3).

The present research was planned with the intention of
obtaining more information sbout the reactions of persulphate
ion with organic compounds, a subject which is not well
understood., In a previous publication from this laboratory
the reactions of persulphate ion with some alkyl mercaptans
were discussed (4). However, a mixed solvent of glacial
acetic acid - water was employed for this work, and in this
mixed solvent potassium persulphate exhibited the properties
of a weak electrolyte which introduced certain complications
in the Interpretation of the data. It was felt that a better
understanding of persulphate ion -~ mercaptan reactions should

be obtained.



Reactions of Persulphate Ton

In spite of the fact that persulphate oxidizes many
substances at a slow rate, i1t is a very strong oxidizing
agent with an estimated normal electrode potentlial of two
volts (5). The ion has been assigned the following structure
(3):

~0°S05°0°0+S09*0~™
In all of its reactions, ultimate scission of the peroxidic
linkage has been postulated.

In general, peroxide compounds are believed (6) to
function as polymerization initiators by first decomposing
homolytically to produce two radicals which then react with
the monomer.

Catalyst = ZR-
Evans and Baxendale (7) suggested that persulphate functioned
as a catalyst in & similar fashion, that is, the persulphate
ion decomposed to yield sulphate ion radicals,
Sg0g - 2S0F
These authors also proposed that both toluene and acetic acid were
oxidized to dibenzyl and succlnic acid respectively by sulphate
ion radicals rather than by persulphate ion itself,
Sp0g~ = 2804~
S04~ + PhCHz = PhCHp* + HSO4~
2PhCHo+ = PhCHy - CHoPh
and 804~ + CHzCOOH - *CHpCOOH
2°CHgCOOH = (CHoCOOH)s




In aqueous solution persulphate ion has been observed
to decompose slowly with the liberation of oxygen (5, 8, 9, 10).
Kolthoff and Miller (10) have shown that hydrogen ions
catalyzed this decomposition and concluded that two simul-

taneous reactions occur according to the rate expression,

alsg0g™]
dt

- k1800871 + kol HY1[80047]
= kol89057]
where kg = ky + k2[H+].
Their postulated mechanism is:
(A) uncatalyzed reaction:
Sg0g~ = 2804~
2504~ + 2Ho0 -~ 2HSO,~ + 2HO*
2HO* = 1/205 + HgO
(B) catalyzed reaction:
Sg0g= + H' = HSp0g™ = S04 + HSO,”
S04 = S0z + 1/205.

Bartlett and Nozaki (1l) observed that the addition of
elther ethyl acetate or methanol to aqueous solutions of per-
sulphate increased its rate of dissociation very markedly,
and the latter system was investigated more thoroughly by
Bartlett and Cotman (9). The results were best explained by
the following sequence of reactions.

Sp0g = 2S0,* (la)
Sg0g + CHgOH = CHO0H + HSO,~ + SO, (1b)

S04~ + CHzOH - CHpOH + HSO4 (2)




CHpOH + Sg0g™ = CHpO + HSO4™ + S04~  (3)

2CHoOH =—= CHpO + CHzOH (4)

The calculated rate expression agreed with that observed
experimentelly provided step (la) was assumed to be negligible

relative to (1b).

/

2 1
[cHzOH]

/2

- 9£§%%§:l =k, [S505=1[CHZ0H] + kgv/E%E [5505=1°
These authors suggested that although the anticipated amounts
of formaldehyde were produced, the possibility that two
alkoxy radicals combined to form ethylene glycol could not

be eliminated.

Whalley and Winkler (12) investigated the reaction be-
tween ammonium persulphate and hydrazobenzene and postulsted
& mechanism which was identical in form with that outlined
above. The reaction was studied in a solvent consisting of
100 ml, of acrylonitrile and 12.5 ml. of water.

Sp0g™ + @NHNH - @NNHF + HSO4~ + S04~

S04~ + GNHNHF - @NNHE + HSO,™

Sg0g™ + PNNHF - @NN@ + HSO,~ + S04~
SPNNHE - @NNGg + @NHNH@

Kolthoff, Meehan and Carr (13) measured the rate of
disappearance of persulphate in the presence and absence of
211yl acetate and determined that the initial rate was not
influenced by the presence of this ester. It was observed
that in its absence, both methanol and ethanol increased the

rate very markedly In agreement with the results of Bartlett




and Cotman (9). However, neither methanol nor ethanol
influenced the rate of disappearance of persulphate in any
way when allyl acetate was present. It was concluded that
direct reaction between persulphate and methanol did not
occur at a measurable rate, but a mechanism to account for
the observations was not suggested.

It has been observed that when primary asnd secondary
alcohols (14) are subjected to ionizing radiations the cor-
responding glycol and hydrogen are generally obtained.

2CHCHy0H - CHLCHOH + Hy

CH;CHOH

At the same time the alkoxy radicals may be further oxidized
to yield an aldehyde from a primary alcohol or a ketone from
a secondary alcohol, in additlon to the glycol. Skraba, Burr
and Hess (15) observed thst irradiation of methanol by‘B -
particles produced only the glycol and hydrogen, and no
formaldehyde was detected. In the light of these observations,
it appears very unlikely the methoxy radicals postulated to
be present in the persulphate - methanol system undergo
disproportionation.

The reaction of persulphate with 1isopropanol, which has
been investigated by Levitt and Malinowski (16, 17, 18),
differs markedly from the persulphate - methanol reaction.
Individual experiments showed first rather then three halves
order in persulphate concentretion and zero order in alcohol

concentration. The measured first order rate constant




increased with increasing alcohol concentration and eventually
reached a limiting value provided the initial persulphate
concentration was kept constant. Similar results were
obtained when the initial persulphate concentration was
increased at cénstant initial concentration of the alcohol.
Acetone was suggested as a product of this reaction. No
mechanism was proposed to explain the experimental resulté.

Ball (19) also studied this reaction and reported that
his experimental results did not agree with those of Levitt
and Malinowski. The addition of a sequestering agent (ethylene
diamine tetraacetic acid) decreased the reaction rate, and
he postulated that metal ion impurities in the water were
involved.

The only consistent observation from these investigations
was that, in the presence of a low molecular weight alcohol,
the disappearance of the persulphate ion was accelerated.

This indicates that in addition to homolytic dissociation of
the peroxide link, the persulphate ion was destroyed by an
induced reaction. It does seem possible that radicals or
trace cationic impurities in the reaction mixtures,-or both,
might be responsible for this induced decomposition.

The behaviour of persulphate and mercaptans in emulsion
polymerization systems has been a subject of much interest
and has raised the question of whether direct interaction
between these occurred in the polymerization reaction. The

addition of mercaptans to these systems not only regulates




the growth of the polymer chains, but increases the rate of

polymerization, and mercaptan groups have been shown to

exist in the resulting polymers (20, 21, 22). However, the
complexity of the polymerization systems makes it difficult
to determine whether direct reaction between the persulphate
and mercaptan occurs to initiate polymerization.

Eager and Winkler (4) observed that in homogeneous
solution in an inert solvent (80 ml. glacial acetic acid and
10 ml. water) alkyl mercaptans catalyzed the decomposition of
persulphate. The first order rate constant for persulphate
disappearance was measured, and its value increased with
increasing mercaptan concentration to a limiting value which
was independent of the mercaptan employed., This limiting
value of the rate constant decreased wlth increasse in initial
persulphate concentration, and it was concluded that this was
due to 8 secondary salt effect. The following mechanism,
which assumes the operation of a solvent cage, was proposed
to account for the results.

So0g™ %_.‘3? 2504~
fast

. fast _
S04~ + RSH — RS- + HSO4

Levitt (23) has suggested that the rate of reaction
between persulphate and mercaptans was governed by an
equllibrium between persulphate ion, sulphate ion and

sulphur tetroxide; thus



1
®
1

g @
-
‘—-

RSH + S0,

S50 S0, + S0,

RS0S0, =~ Rs* + HSO,~
] S 4
H
RSt + RSE > RSSR + HY

By using sulphate containing radioactive sulphur,
several investigators have shown that the exchange reaction
between sulphate ion and persulphate ion was immeasurably
slow, and this casts doubt on Levitt's proposal. (24, 25, 26).

An investigation of the reaction of persulphate in
aqueous solution with alkyl mercaptans solubilized with
saturated fatty acid soaps showed that, under these conditions,
direct reaction between persulphate and mercaptan did not
occur (27). It was observed that the reaction rate was
independent of the presence or absence of mercaptan, and the
suggested mechanism was

0 0
_ , I )
Sg0g~ + RCO + 804 + RCO* + S0,
0] 0
I =
S04~ + RCO~ =~ RCO+ + S04
0 0
| |
RCO- + RSH + OH™ = RS-+ + RCO™ + HoO
2RS+ = RSSR

It was proposed that the reaction of olefins with mercaptans
in such a system involved a chain mechanism (28). The

following two steps were postulated to initiate the chain,




Sg0g~ = 2S04~

and Sg0g™ + XH = X« + HS0,™ + S0,~
where XH refers to the unsaturate.

Howard and Levitt (29) investigated the reactions
between persulphate and some organic sulphides and sulphoxides.
These reaction rates were first order in persulphate con-
centration and weré independent of the concentration of the
organic compound. The following sequence of reactions was
suggested.

sulphide - sulphoxide - sulphone

and RgSO + S0 + 20H =+ RoSOg + 2504 + HoO.

Bawn and Margerison (30) followed the decomposition of
persulphate in a solvent consisting of a one to one mixture
by volume of ethanol and water using diphenyl picryl hydrazyl
[DPPH] as s radical capturing agent. They concluded that the
hydrazyl did not react with sulphur tetroxide and hence
sulphur tetroxide did not possess the properties of a reactive
free radical. The rate controlling step for the disappearance
of the hydrazyl was postulated to be homolytic dissoclation
of the peroxide bond in the persulphate.

Sg0g~ = 280,~

Tobolsky and Mesrobian (31) have discussed, in a general
way, the modes of decompositlion of organic peroxides and
hydroperoxides in solution, and according to them the kinetics

of many thermal decomposition reactions of peroxides may be
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represented by a rate expression of the type

alel kgl Pl + ky[PI¥

where kd[P] represents the rate of the homolytic dissocia-
tion and ki[P]x represents the rate of an induced reaction.
The nature of this induced reaction is dependent upon both
the peroxide and the solvent concerned in the reaction.
However, until the reactions of persulphate with organic
compounds have been more thoroughly investigated, it will be
impossible to compare these with the reactlons of organic
peroxides and hydroperoxides in the presence of orgesnic com-
pounds, These investigations must be planned in such a
manner that they will contribute information about possible
induced decompositions of persulphate in the presence of
alcohols and other orgenic compounds, and about the cage
effect which sppeared to be present in the persulphate =
mercaptan interactions. In both instances, metal ion
impurities might play an important part, and this possibility
should be carefully considered.

The reactions of persulphate with metallic ions have
also been the subject of considerable attention. For the
reaction between ferrous ion and persulphate the following
mechanism has been proposed (31, 32).

8504~ + Fe*t - Fettt + 50,5 + 80,~

8 4 4
804* + Fet* = TFe*** + 50,7




- 11 -

The reactions of ferrous ion with persulphate, hydrogen
peroxide, organic peroxides and hydroperoxlides display
similar characteristics and proceed at equivalent rates
provided ferrous ion is in excess (34, 35, 36, 37, 38, 39).
Orr and Williams (34) have postulated that, for the hydro-
peroxide reactions, a complex 1s formed between the ferrous
ion snd the hydroperoxide, and thls subsequently decomposes

to yield ferric lon and a radical.

Fet* + ROOH == ROOH = Fe*** + OH- + RO-
ée++
Cahill and Taube (40 have suggested that ferrous ion reacts
with hydrogen peroxide by two mechanisms, both of which
ocecur simultaneously,
Fe*t + Hp0p =~ Fe(IV) + 20H™

and Fet* + Ho0p = Fe*** + OH- + -OH
In the first case, two electrons are transferred in & single
step, and in the second there is a single electron transfer.

When hydrogen peroxide is added to an excess of ferrous
ion, the stoichiometric ratio A[Fe**]/A[Hg05] has been
observed to be two. However, Haber and Welss (41) discovered
that wheh ferrous ion was added slowly to an excess of
hydrogen peroxide, the stoichiometric ratio became less than
two and concluded that an induced decomposition of the
hydrogen peroxide occurred during the addition of the iron.
Kolthoff, Medalia and Rasen (42) were able to reproduce the

above results and made a similar study using persulphate.

They concluded that an induced decomposition of persulphate
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occurred to a limited extent also.

The induced oxidations of several organic compounds
by the persulphate - ferrous ion system have been studied
(33, 42, 43), and the following series of reactions for
the ethanol reaction were suggested by Kolthoff et al (42),

Sg0g= + Fett = Fe™** + 50, + 504~ (1)
S04~ + Fett = TFettt + 5047 (2)
SO4™ + CHzCHgOH = CHZCHOH + HSO4” (3)
followed by either
CHzCHOH + 890g= = CHzCHO + HSO4™ (4)
or CH,CHOH + Fe**+ - Fe*t + CHLCHO (5)
The authors (42) were unable to suggest which of the last
two steps was the more important. It was observed that with
increase in the ratio of alcohol concentration to ferrous
ion concentration the stoichiometric ratio AlFe**]/AlS5047]
decreased from two to less than one. However, in the
presence of oxygen this rstio became greater than two when
the organic compounds were present, and it was suggested that
oxygen added to the organic radical to produce a peroxy
radical (ROg.) which was capable of oxidizing ferrous ion.
Chloride and bromide ions tended to suppress these induced
oxidations both in the presence and absence of oxygen, and
the following mechanism has been proposed (42, 44).
S04~ + X7 - X- + 80,7

X + Fett o pettt + X~
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Kolthoff et al (45, 48, 47).have also studied the
induced oxidation of several organic compounds by mixtures
of both hydrogen peroxide and iron and cumene hydroxide and
iron in the presence and absence of oxygen. The results of
these experiments were similar to those for the persulphate -
iron series. Suppression of these induced oxidations by
halide ions was also observed,

The reactions of persulphate ion with chromic ion,
vanadyl ion, manganous ion, cerous ion and hydrazine are
interesting since, in the gbsence of silver lons, they proceed
at an immeasurably low rate (48, 49, 50, 51). 1In the
presence of silver ions, the rate was found to be independent
of the above substrates, and the following general mechanlsm
was proposed,

slow
Sg0g= + Agt  —=  AgTtt + 230,
fast
Ag**t* + reducing agent —» Agt + oxidized form of the
reducing agent.

The rate of reaction between persulphate and smmonia,
catalyzed by silver ion, was observed to be about ten times
greater than the rates of the reactions with the various ions
mentioned above (52, 53, 54). It was postulated that, with
ammonia, the rate controlling step was reaction between per-

sulphate and the complex Ag(NH5)2+.
So0g™ + Ag(NHgz)o* = Agt*t + 280, + 2NHg
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This would imply that silver ions in a complex with ammonia
have increased reactivity toward persulphate.

The effect of complexes in promoting chemical reactions
has recently received much attention (55). Sykes (56)
demonstrated that sulphste lons and, to a lesser extent,
chloride ions retarded the reaction of ferric ions with
lodide ions, and he suggested that was due to complexing
of the ferric ions. It has also been observed that the rates
of many isotoplc exchange reactions are increased rather than
decreased by the complexing of the cations (57). It appears
that although anions may not be involved directly in a
reaction, they may exert an enormous influence upon its rate,
sometimes to accelerate 1t, and at other times to inhibit it.
Orgel (58) has discussed the subject of complexes and related
topics at some length.

Persulphate has been observed to oxidize oxalate ion to
carbon dioxide and water, but the reaction rates appeared to
be affected by trace impurities of metal ions in the dis-
tilled water (59, 60). Both silver and copper ions were
shown to catalyze the reaction very markedly and, in the
former case, the reaction rate was very much greater than
that of persulphate with free silver ion. Allen (60) has
suggested complicated mechanisms for both the uncatalyzed and
copper - catalyzed reactions.

The rate of reaction of persulphate with thiosulphate
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to yleld tetrathlonate was also observed to be influenced
by trace impurities in the water (61, 62). King and
Steinbeck (61) have studied the catalysis by iodide ions
and by cupric ions and were able to estimate the rate of
reaction of persulphate with both thiosulphate and with the
reduced form of the catalyst. Sorum and Edward (62)
investigated the uncatalyzed reaction and found it to be

of a complex nature.

The reaction of persulphate with iodide has been
thoroughly studied with particular attentlion to the effect
of ionic strength (63, 64, 65, 66). The following mechanism
has been postulated (66).

= k2 =
I7 + 8905~ §;i2 ISg0g™

k3
I= + 18208= —> Ig + 2SO4=

The persulphate ion, unlike hydrogen peroxide and some
of the organic hydroperoxides, has never been observed to be
oxidized. It has been postulated (35, 40, 67, 68) that in
the oxidation of these latter substances the O-H bond rather
than the 0-0 bond is severed, and this could account for the

resistance of persulphate to oxidation.

Reactlons of Mercaptans and Disulphides

The mercaptan and disulphide groups, since they are
present in many proteins, are important in the chemical

behaviour of many natural products and during recent years
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have become the subject of extensive investigations. Interest
in mercaptan compounds, especially, has also been strongly
stimulated by thelir wide application as "modifiers”" in emulsion
polymerization systems. A great deal of attentlon has also
been focussed on the part played by sulphur in the vulcaniza-
tion of rubber and rubberlike materials, and the chemical and
physical properties of many organic sulphur-containing
compounds have been studied in an attempt to acquire a better
understanding of this process.

Mercaptans, when dissolved in aqﬁeous solution, display
the properties of weak acids owing to slight dissociation of
the sulphydryl group (-SH). The several pK values listed in
the following table demonstrate that the acid properties of
this group are influenced by neighbouring substituents.

Mild oxidizing agents such as cupric ion, ferrlc ion
and ferricyanide ion react with mercaptans to produce the
corresponding disulphides (70, 73, 74, 75, 76). Iodine
reacts differently with primary mercaptans than with tertiary
mercaptans, the former being oxidized to the corresponding
disulphides and the latter to sulphenyl iodides (77).

I, + (primary)2RSH - RSSR + 2HI

I, + (tertiary)RSH - RSI + HI
In the reaction of iodine with secondary mercaptans & mixture
of both the disulphide and the sulphenyl iodide is produced.
Oxygen reacts with the sulphydryl group to produce the
disulphide and the interaction occurs more readily in alkaline

solution than in acidic solution.
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TABLE I

THE EFFECT OF NEIGHBOURING SUBSTITUENT GROUPS ON THE ACID

DISSOCIATION OF THE SULPHYDRYL GROUP

Compound Acid Dissociation pK |Reference
Constant, K,
(-8H) group
Cysteine 5.02 x 107° 8.30 69
Cysteine 3.32 x 10™° 8.48 71
Mercapto ethylamine 2.52 x 10~° - 8.60 69
Mercapto ethylamine 4.47 x 109 8.35 71
Mercapto ethanol 3.16 x 10-10 9.50 69
Thioglycolic acid 1.66 x 10710 9.78 71 ‘
Thioglycolic acid 2.10 x 1011 | 10.68 72
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Stronger oxidizing agents such as permangasnate and
hydrogen peroxide convert mercaptans and disulphides to
sulphonic acids (73, 78, 79, 80, 81, 82). Under certain
conditions, oxygen 1s also capable of ylelding sulphonic

acids from mercaptans (78).

(RS)gPb —O- (RSOz)oPb = 2RSOzH
(HNO5)
RSSR + SHo0p = 2RS0zH + 4Hg0

Rate measurements for the reaction of hydrogen peroxide
with dithiodiglycolic acid (80) indicated that a series of
consecutive reactions occurred, and that sulphoascetlc acld
was produced only in the latter stages. It was suggested
that the disulphoxide (REER) was one of the intermedistes.
Ghosh and Kar (81) observed that this reaction and the
reaction of hydrogen peroxide with cystine were catalysed by
tungstic acid and molybdic acid sols. However, replacement
of these sols by soluble salts of metsls such as lron and
copper caused these reactions to be extremely slow.

Both chlorine and bromine react with mercaptans and
disulphides to produce sulphonyl halides (83, 84, 85, 86).

5X5 + RSSR + 4H,0 = 2ZRSO,X + 8HX

Free radicals have been observed to react wlth mercaptans

to abstract a hydrogen atom and produce & mercaptyl or thiyl
radical. This may be considered as an oxidation of the
sulphydryl group.

Y- + RSH = RS. + YH

2RS+ = RSSR
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It is because thié reaction occurs so readily that mercaptans
have found such wide application as "modifiers'" or chain
transfer agents in emulsion polymerization reactions. In
the absence of mercaptans, the molecular weights of these
polymers become so large that they are no longer of any
practical use. The thiyl radicals produced in the chain
transfer reactions between the mercaptan and growing polymer
radicals are believed either to initiate further polymerization
(22, 28) or recombine to form the disulphide.
Mne + RSH = MnH + RS-
RS + M =-» RSMe = RSMn-
2RS+ = RSSR.

Investigations of the addition of thiyl radicals to
olefinic linkages in non polymerizable compounds have been
conducted (87).

Disulphides react very much more slowly with free
radicals than the corresponding mercaptans (88, 89).‘ Ionizing
radiations have been observed to oxidize cystelne almost
completely to cystine before the cystine in turn was attacked
(14).

Mercaptans have been observed to teke part in nucleophilic
exchange reactions with disulphides in aqueous solution. The
system composed of cystine and either thioglycolic acild or
its disulphide has been studied by Kolthoff, Stricks and
Kapoor (90), and the following reactions were postulated to

occur.
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RSSR(cystine) + 2TSH =—2 TSST + 2RSH (1)
RSSR + TSH =— RSST + RSH (2)
RSST + TSH =—= TSST + RSH (3)
RSSR + TSST &—2 2RSST (4)

Using the measured equilibrium constants of these
reactions and the known oxidation - reduction potential for
the cysteine-cystine system (91) (+0.08 volts measured
against the normal hydrogen electrode), the oxidation -
reduction potential of the thioglycolic acid - dithiodiglycolie
acid system was estimated to be +0.095 volts,

“TSST™ + 2H' + 2¢ =/ 2TSH™
These equilibria were attained more rapidly in alkaline than
in acidie solution.

Rates of exchange between a disulphide and the correspond-
ing mercaptan, which contained radioactive sulphur, were
measured at several values of pH and the results could be
accounted for by the followlng mechanism (92).

RS¥H + OH™ —= RS¥~ + Hg0
RSSR + RS¥~ —= RSS*R + RS~
No evidence was found to indicate the appreciable occurrence
of
RSSR + OH™ &= RSOH + RS~
RSOH + RS*~ ——= RSS¥R + OH"

The latter mechanism, although it does not describe the

results, was suggested earlier, since the disulphide linkage

is prone to cleavage in alkaline solution (90, 93, 94).
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2RSSR + 2Ho0 = 3RSH + RSOOH
Both direct hydrolysis of the S-S bond and ionization of the
proton adjacent to one of the sulphur atoms have been
postulated to be the initial step in the reaction. Swan
(95) has suggested a mechanism for the cleavage of the
disulphide bond in cystine which differed from both of these.

I | | |
Cco Cco GO Cco

| | OH- lo
CHCHoSSCHoCH e—  CHCHoSSCHoC
| ! ) !

NH NH NH NH
I | I |
The cleavage of the disulphide bond, whether by nucleo-
philic exchange with thiol groups or by alkaline hydrolysis,
has been 2 subject of much importance since by means of such
reactions protein molecules which contain this group may be
markedly altered end in some cases converted to much less
complex entities. It is usually desirable that the reagents
employed for cleaving the disulphide linkages should not
interact with any of the other groups present in the molecule.
Sulphite ions have also been used to cleave disulphlde
bonds in proteins. Stricks and Kolthoff (96) have investigated
the equilibria of sulphite ion with both cystine and
dithiodiglycolic acid.
RSSR(TSST) + S0-= = RS-(TS~) + RSSOs'(TSSO:s')
These equilibria were attained more rapidly in alkaline
gsolution than in acidic solution.

Mercaptans react with the ions of many metals to form

either soluble or insoluble metal mercaptides. The reaction
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with silver lons has frequently been employed in the
quantitative determination of thiol groups (97). Mercuric
ions have been observed to form two complexes with thio-
glycolic acid in aqueous solution, Hg(TS)2 which was soluble
and Hgg(TS)Q which precipitated (98). It was suggested that
the first mercuric ion was flrmly bound to the mercaptan
group, and that the second was loosely bound to the carboxylic
group. Similar complexes are formed between mercuric ions
and both cysteine and glutathione and, in addition, a third
with the structure Hgs(RS)g has been observed (99).

Cuprous ion reacts with cysteline in ammonical solution
to form cuprous cysteinate (100).

Cut + RSH &= RSCu + H¥
It has been shown that cuprous cystelnate is a product of the
oxidation of cysteine in ammonical solution by cupric ion,
and that in excess cupric ion the complex 1s in turn oxidized
(75).
4RSS~ + 2cu*t = 2RSCu + RSSR
2RSCu + 2cu’t == RSsrR + 4cut

Li and Manning (71) have investigated the complexes of
lead, zinc and cadmium ions with several sulphur containing
amino acids and suggested that chelates were formed.

Both thioglycolic acid end cysteine form several complexes
with dissolved iron. Kolthoff and Leussing (101) have shown

that in acid solution with the pH =4, ferrous ion and
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thioglycolic react to form & precipitate having the structure
FeRS. In slkaline solution two'soluble complexes are formed
and the following two equilibria were postulated.
Fe(OH)(RS™) + 28T == Fe** + RSH™ + Hp0
Fe(RS)g + 28" == Fe** + 2RSH-
Tanaka, Kolthoff and Stricks (102) have observed that cysteine
‘and ferrous ion form a similar series of complexes.

Ferric lon reacts with both compounds in acid solution
(pH< 3) to form & blue complex which fades very rapidly (103,
104, 105, 106). Page (104) studied the equilibrium between
ferric ion and cysteine under these conditions and suggested
that the blue complex possessed the structure FeRSH. The
dissocistion constant was observed to be proportional to the
square of the hydrogen ion concentration., Lamfrom and
Nielsen (105) showed that the blue ferric ion - thioglycolic
acid complex dlsappeared by a first order process at -35°C
in a solvent consisting of 6 parts by volume of ethanol to 10
parts water,

Red complexes of thloglycolic acid and cysteine with
ferric ion were more stable in weakly acidic solution (pH>4.6)
and in alkaline solution than the blue complexes in strong
scid (103, 105). It was shown that one red complex with
thioglycolic acid, Fe(OH)(RS), , and two with cysteine,
Fe(OH)(RS)o™ and Fe(RS)5=, were capable of formation in the
weakly aclid or alkaline media (101, 102),
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Fe(OH)(RS)™ + 3H' T= Fe**™* + 2RSH™ + Hpo
and when RSH refers to cysteine

Fe(OH)(RS)p~ + RS = Fe(RS)z~ + OH”
Page (104) observed that the red complex of ferric ion and
cysteine at pH = 7.40 contained one ferric ion for every
three molecules of cysteine.

The optical densities of solutions of ferric ion in the
presence of either thioglycolic acid or cysteine in alkaline
solution decreased by a second order process, and hydrogen
ions catalyzed the reactions (102, 107). Leussing and
Newman (107) examined the former case and suggested the
following mechanism.

2FeOH(RS )y~ 2= Feg(OH)o(RS),
Fe(OH)g(RS), %~ - 2Fe** + -RSSR-
Fe(OH)(RS)o™ + HoO = Fe(OH)5(RS)™ + RSH™
Fe(OH)(RS)2= + Fe(OH),(RS)™ ~ Fez(OH)S(RS)5=
Feg(OH)z(RS);~ = 2Fe** + “RSSR-
Fe(OH)(RS),™ + HY - Fe(OH)(RS)" + RSH-
Fe(OH)(RS),~ + Fe(OH)(RS) <= Feg(OH)o(RS)g™
Feg(OH)o(RS)z™ = 2Fe*t + -“RSSR-
Lamfrom and Nielsen (105) extended these measurements to the
pH range of 4.6 to 5.8 and under these conditions observed

similar behaviour. They suggested that in their experiments

only the last three steps in the above mechanism were operative.
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These authors (105) also measured the rate of uptake
of oxygen by the ferric lon - thioglycolic acid system. It
was observed to be about one hundred times greater than
predicted by the last three steps of the above mechanism.

The following reactions were tentatively suggested to account
for these observations.

Og + Fe(II)RS-complex = Fe(III)RS-complex + "Og~

‘05" + HSR™ = HO,™ + 'SR
"SR™ + Fe(III)RS - complex - Fe(II)RS-complex + ~RSSR™

Neville (105) has briefly described the oxidation of
cysteine by iron and hydrogen peroxide in both acidic and
alkaline solution.

Kolthoff, Stricks and Tanaka (108) observed that under
certain conditions ferrous ion in the presence of cysteine
was capable of reducing cystine.

2Fe(IL)(RS)g + "RSSR™ == 2Fe(III)(RS)z + Z2e

2H* + 2Fe** + "RSSR™ == 2Fe*** + 2RsSHE
The equilibrium constants for these two reactions were
determined and with these the oxidation - reduction potential
of the cysteine - cystine system was calculated to 0.08 volt.
This value is in good agreement with that determined by
Ghosh (91).

The polarographic behaviour of cysteine (109) and thio-
glycolic acid (70) and of their corresponding disulphides
(70, 110) has been investigated. "Prewaves'" were observed
prior to the wave corresponding to reduction of the disulphide

(110, 111), and it was concluded that the prewaves were due
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to the following reaction.
RSSR + 2H' + 2¢ = 2RSH
It was proposed that this reaction was the net result of the
two processes shown below.
RSSR + Hg = HgRS + RS* = Hg(RS)2
2H* + Hg(RS)y + 2¢ ™= Hg + Z2RSH

Oxidation - reduction potentials of the cysteine - cystine
and thioglycolic acid - dithiodiglycolic acid systems were
calculated using the results obtained in a study of these
prewaves. The values were +0.,076 and +0.073 volts respectively
for the two systems and were in good agreement with earlier
determinations (90, 91, 108).

Both ferrous and ferric ions were observed to increase
the helght of the prewaves of the cystine system and it was

postulated that this was due to a catalysis by the iron (112),.

RSSR + Hg == HgRS + RS* == Hg(RS), (2)
Fe** + RS* == Fe*** + RS- (3)
Fettt + ¢ == Fett (4)
HgRS + e === Hg + RS~ (5)
RSSR + Fett &= RS + Fe*** + RS- (6)
RS+ + e —» RS™ (7)

It was found that the results could be accounted for equally
well by either steps 2, 5, 3 and 4 or by 6, 4 and 7. The
dithiodiglycolic acid prewaves were not affected by iron.

In the sbove discussion the reactions of persulphate

ion, mercaptans and disulphides have been reviewed briefly.




This thesis was concelved, as was mentioned earlier, in an
attempt to obtain more information about the reactions of
persulphate ion with mercaptans in homogeneous solution. It
was decided to employ thioglycollc acid for this purpose,
since, due to its large solubility in water, experiments could
be made in aqueous solution. Hence, the difficulties
encountered in an earlier investigation (4) when a mixed
solvent of glacial acetic acid - water was employed could be

avoided.
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EXPERIMENTAL METHODS AND RESULTS

Without exception the experiments were conducted in
aqueous solution using laboratory distilled water from a
Barnstead electric still.

Fisher "purified" thioglycolic acid was distilled
rapidly at a pressure of 8 mm. Hg and a temperature of 95°C
(70), and the distillate was stored under an atmosphere of
nitrogen at 0°C. The yield of pure material was small unless
the distillation was performed rapidly. The decrease in yield
with slow distillation was probably due to polymerization of
the thioglycolic acid. The purity of the distillate was
found by diluting a weighed portion with water in a volumetric
flask and titrating sliquots with stendard iodine solution
using starch as an indicator and with standard sodlum
hydroxide solution using phenol red as an indicator (70).

The thioglycolic acid employed in the experiments was 99.5%
pure.

Reagent grade potessium persulphate was supplied by
Brickman and Company (Montreal). Its purity was checked by
dissolving & weighed portion in a known volume of water and
analyzing aliquots of this solution iodometrically (113).

The purity of the persulphate was estimated to be approximately
99.95%. Consequently this salt was used without further
purification.

All other chemicals used in this work were of reagent

grade and were employed without further purification.
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The reaction mixtures were prepared volumetrically in
either Erlenmeyer or volumetric flasks by mixing standardized
solutions of the various reactants. Prior to mixing, the
solutions were adjusted to the temperature of the experiment
and were swept with Linde nitrogen (99.99%) which was used
without further purification. The nitrogen was saturated
with water vapour by passing it through distilled water before
it was bubbled through the solutions. The reaction mixtures
were swept with molst nitrogen while the experiments were in
progress.,

When reaction mixtures were made in volumetric flasks,

a measured amount of one solution was sdded and diluted with
water until slightly more space remained then was required
for the solution of the second reactant. This was added from
8 pipette while the mixture was swirled rapidly, and then the
flask was quickly filled to the mark with water and shaken
vigourously. The whole operation never required more than

45 seconds. The stop watch was started when one half the
second reactant had drained from the pipette.

The experiments were conducted at 24.8°C in a well stirred
water bath, the temperature of which was maintained constant
within +0.02°C by a mercury filled thermoregulator which
operated a magnetic relay in the heater circuit. A 300 watt
immersion heater was used and cold water was passed through

a copper cooling coil when required.
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The progress of the reaction was determined by removing
s8liquots of the reaction mixture and estimating the thio-
glycolic acld content by titration with a standard solution
of lodine in a solution of potassium iodide. The titer of
the lodine solution was checked daily with standard sodium
thiosulphate solution. Persulphate, if present in the
aliquot, would react slowly with iodide ions to produce
iodine and thus cause a negative titration error. However,
the titrations were always completed within one minute and as
expected the error was found to be negligible (114). Smooth
curves were generally obtained for the disappearance of
thioglycolic acid with reaction time.

Previous investigations (4, 27) indicated that hydrogen
ions were produced when persulphate reacted with mercaptans.
In a few experiments the progress of the reaction was followed
by titrating simultaneous aliquots with iodine solution and
with standard sodium hydroxide solution using phenol red as
an indicstor. Typical of the results obtained are the
following data (Table II and Figure 1). Apparently the rate
of production of hydrogen ion was only very slightly less
than the rate of oxldation of thioglycolic acid. This
behaviour might merely indicate that because the disulphide
(product) was a weaker acid (115) then thioglycolic acid
itself; the phenol red was not an appropriate indicator for

the alkali titration. The results are adequate, however, to
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TABLE II

RATE OF APPEARANCE OF HYDROGEN ION AND

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID

Initial Conc. Potassium Persulphate 0.00500 M/1

(Exp. 1)
Time [ TSH] Time [H+] Time Stoichiometric
(min.) M/1 (min.) | M/1 (min.) Ratio
x 109 x 103 [TSH]
(7]
0 5.60 0 5.60 100 1.22
16 5.41 19 5.75 200 1.03
79 5.00 82 6.20 300 1.11
136 4.65 139 6.50 400 1.07
220 4,34 224 6.81 500 1.09
300 4.05 303 7.09
382 3.71 386 7 .40
456 3.44 459 7.60
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FIGURE 1

RATE OF APPEARANCE OF HYDROGEN ION AND

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID
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indicate that one hydrogen lon was produced for each
mercaptan group destroyed.

It was observed that the reaction mixture gradually
acquired a very disagreesble odour which could not be
attributed to the disulphide, and was presumsbly due to the
formation of some other product. In previous work, Kager
and Winkler (4) found that, when excess persulphate was
added to mercaptan, three moles of persulphate disappeared
for each mole of mercaptan that underwent reaction. However,
as pointed out by these authors, it does not follow that this
stoichlometric ratio prevailed during the early stages of the
reaction. Determlination of this stoichiometric ratio as a
function of time was attempted for the present reaction to
obtain some indication of the importance of any reactions of
elther persulphate or of sulphate ion radicals with substances
other than thioglycolic acid. However, msny weeks of experi-
mental work falled to produce a method by which persulphate
could be analyzed directly In the presence of thioglycolile
acid. In genersl, chemical methods involve reduction of
persulphate and appsasrently the oxidation product of the
reducing agent used always reacted with thioglycolic acid.

Polarography with a dropping mercury electrode was
considered but not attempted since inspection of the polaro-
grams of persulphate (116), thioglycolic acid (70) and
dithiodiglycolic acid (70) indicated that it would be
practically impossible to choose & voltage where persulphate

alone reacted at the electrode.
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Experiments were conducted to determine if the
thioglyceclic acid could be effectively removed from the
system by some means which would not subsequently interfere
with the persulphate analysis. Precipitation of the thio-
glycolic acid with mercuric nitrate, followed by the usual
reduction of persulphate with ferrous ion and titration of
excess ferrous lon with ceric icn, yielded results which,
though not reproducible, were within 10% of the correct value.
Removal of the precipitate by filtration brought about no
improvement. Oxidation of the mercaptan with strong oxidizing
agents such as permanganate and ceric ion, followed by
reduction of the persulphate as above, again ylelded results
which were not reproducible but were within 10% of the correct
value.

Both permanganate and ceric ion were found to react
sluggishly with thioglycolic acid at room temperature and it
was difficult to know when a sufficient amount had been added.
A deliberate excess had to be avolded since its subsequent
removal would have required the addition of a reducing agent
which might also have reacted with some of the persulphate
present, This general scheme was not pursued further
experimentally.

In retrospect, it seems possible that by using either
chlorine or bromine as oxidizing agents many of the difficulties
mentioned above could have been overcome. However, the likely
adveantages of these halogens were not realized at the time,

and no experiments have been conducted in which they were
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used. Both are known to oxldize mercaptans rapidly to
sulphonyl halides at room temperature and thus should
presumsbly avoid slugglish behaviour (86). Furthermore, it

is known that neither bromide nor chloride ions interfere
with the reduction of persulphate by ferrous ion. In fact,
they are effective in suppressing induced oxidation of
organic compounds by persulphate - ferrous ion mixtures (42,
113). Finally, since both of these halogens are volatlle, a
deliberate excess could easily be removed by passing nitrogen
through the solution.

Another approach which was consldered and attempted
experimentally was to estimate the ferric ion produced from
ferrous ion by persulphate, the reaction between ferric lon
and thioglycolic acid being inhibited by complexing the
ferric ion. The coloured complex ferric -~ thiocyanate ion
in 0.05 to 0.50 molar hydrochloric acid was observed to be
stable in the presence of small amounts of thioglycolic acid
provided the solution was also dilute in ferric ion. Thus,
an aliquot contalning persulphate and thioglycolic acid could
be diluted and added to a large excess of ferrous lon in the
presence of thiocyanate. The concentration of ferrous ion
was in great excess to scavenge sulphate ion radicals that
might be present. However, the results could not be reproduced
and it was demonstrated that there was some reaction between
persulphate or sulphate ion radicals and thiocyanate. Hence

to develop an analytical method along these lines, it
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appeared necessary either to find a substance which formed

a coloured complex with ferric ion, but which did not
interact with persulphate or sulphste lon radicals, or to
find a radical scavenger which did not affect the accuracy
of the analysis. Since no method of meeting either of these
conditions was apparent, 1t was decided to discontinue
attempts to analyze for persulphate directly in the presence
of the mercaptan.

However, the important quantity to be measured was the
stoichiometric ratio as a function of time, and a method
which did not involve the direct determination of persulphate
was finally employed. It 1s known that when persulphate
reacts with iodide ion one mole of iodine is produced for
each mole of persulphate destroyed (113).

Sg0g™ + 2I% = I + 280,47
It is also known that one mole of iodine oxidizes two moles
of thioglycolic acid to form the disulphide (70).

I, + 2PSH = TSST + 26" + 21~

However, it is not obvious that when these two reactions are
occurring simultaneously the net reaction will be represented
by the sum of the two individual reactions.

So0g~ + 2TSH -~ TSST + 2HSO4”
It is possible that intermediate species, such as sulphate
lon radicals, might exist, and that these could be capable of

reacting with the disulphide, for example.




- 37 =

However, assuming that the net reaction can be
represented by the above equation, it should be possible
to calculate the persulphate concentration in the presence
of mercaptan by adding an aliquot containing both per-
sulphate and thioglycolic acid to a large excess of iodide
ion., The persulphate would be completely destroyed, and
depending upon the initial ratio of persulphate concentration
to mercaptan concentration in the aliquot, elither lodine or
thioglycolic acid would remain when the reactions had gone
to completion. Either of these two substances could be
determined easily and provided the concentration of thio-
glycolic acid in the aliquot was known, the persulphate
concentration could be calculated.
Similar arguments are applicable when iodide ions are
replaced by ferrous ions.
85057 + 2Fe**t o 2Fe*** + 250,7
2Fe*** + 278H - TSST + 2H' + 2Re*?

Sg0g™ + 2TSH - TSST + 2HSO4-

The assumption pertaining to the net reaction was shown
experimentally to be valid by adding known amounts of per-
sulphate to known amounts of thioglycolic acid in the presence
of either excess lodide lon or excess ferrous ion. The
amount of iodine remaining after the persulphate had been
destroyed was determined by titrating the sample with standard

thiosulphate solution, and the amount of ferric ion remaining
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in similar instances was measured colourimetrically using
potassium thiocyanate as the reagent. Application of the
assumed stoichiometry ensbled calculation of the quantity of
persulphate added, and this value agreed in all cases with
the amount of persulphate known to be present. The data are
summarized in Tables III and IV.

Three experiments were made to determine the stoichio-
metric ratio in which persulphate and thioglycolic acid
reacted. The progress of these reactions was followed by
determining the concentration of the mercaptan lodimetrically.
Persulphate concentrations in these reaction mixtures were
determined by adding aliquots to either an excess of iodlde
lon or of ferrous ion and measuring the amount of thioglycolic
acid or iodine (ferric ion) remeining when all the reactions
had gone to completion. The results given in Table V indicate
quite clearly that one mole of persulphate reacted with two
moles of thloglycolic acid during the initial stages of the
reaction at least. This observation was independent of the
initial concentrations.

For a given reactlion between persulphate and thloglycolic
acid, it was observed that after adding an aliquot to an
excess of iodide ion (or of ferrous ion) and allowing the
reactions to go to completion, the concentration of either
the thioglycolic acid or of the iodine (ferric ion) remaining
was independent of time. This provided additional evidence

that two moles of thioglycolic acid disappeared for each mole
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TABLE TII

ADDITION OF POTASSIUM PERSULPHATE TO MIXTURES OF

THIOGLYCOLIGC ACID AND EXCESS IODIDE ION

Initial Final Amount IofAmount SgOg|Amount Sg0g”
Amount TSH| Amount TSH (calculated)| (by enalysis)
(m.moles) (m.moles) | (m.moles)| (m.moles) (m.moles)

0.980 0.773 0.000 0.108 0.104
0.098 0.000 0.059 0.108 0.108
0.049 0.000 0.082 0.108 0.10%7
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TABLE IV

ADDITION OF POTASSIUM PERSULPHATE TO MIXTURES OF

THIOGLYCOLIC ACID AND EXCESS FERROUS ION

Initial Final Amount |JAmount Sg0g™ | Amount Sg0g~
Amount TSH |Amount TSH| Fet*t |(calculated) | (by snalysis)
(m.moles) (m.moles) |(m.moles)] (m.moles) (m.moles)

0.967 0.748 0.000 0.108 0.110
0.085 0.000 0.210 0.108 0.105
0.049 0.000 0.217 0.108 0.109
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TABLE V

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID AND OF

PERSULPHATE AT DIFFERENT INITIAL CONCENTRATIONS

(Exp. 2) (Exp. 3) (Exp. 4)

Time [TSH] [S,0,=] Time [TSH] [S,0,=] Time [TSH] [S,0,=]
(min.) 2°8 (min.) 2°8 (min.) 2°8
M/l M/1 P M/1 M/1 "M/l M/1

x 10° x 103 x 10 x 103 x 10° x 10°
0 5.65 9.74 0O 5.50 5,00 0O 5.70 1.04
20 4.81 9.45 15 5.36 4.93 10 5.67 1.02
59 4.66 9.19 57 5.05 4.78 56 5.54 0.96
120 4.12 8.92 119 4.85 4.68 117 5.42 0.90
191 3.64 8.68 180 4.43  4.47 186 5.29 0.83
262 3,30 8.51 261 4.28 4.39 259 5,14 0.76
3220 2.96 8.34 313 4,12 4.31 307 5.09 0.73
405 2.42 8.07 401 3,94 4.22 396 4.95 0.66
498 1.97 7.80 488 3.69 4,10 483 4,89 0.63
578 1.55 7.51 574 3.30 3,90 569 4.82 0.60
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of persulphate, since, otherwise, the above quantities would
have been functions of time.

The experimental data obtsined thus far indicated that
persulphate reacted slowly with thioglycolic acid, that two
moles of thloglycolic acid disappeasred for each mole of
persulphate that underwent reaction and that one mole of
hydrogen ion was produced for each mercaptan group which
was destroyed. These results suggested that the reaction may
be represented by the following stoichiometric equation:

Sg05= + €TSH - TSST + 2HS0,".
Consequently, it appeared that the disagreeable odour generated
in the reaction mixture as reaction progressed was due to the
production of a trace amount of substance which had a negligible
effect upon the stoichiometry of the reaction, at least during
the early stages. The results obtained here using persulphate
and thioglycolic acid lend support to the assumption that the
stoichiometric ratio of two applied also to the initial stages
of the reactions between persulphate and alkyl mercaptans
which were investigated by Eager and Winkler (4).

A series of experiments was made in which initial con-
centrations of both persulphate and thioglycolic acid were
varied over a considerable range, the intention being to
determine the order of reaction in respect of each reactant.
Besides following the progress of reaction with time by
determining thioglycolic acid iodimetrically, alidquots were

added to excess lodide ion and, after destruction of the
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residual persulphate, either the iodine or the thioglycolic
acld remaining was determined to permit calculation of the
persulphate concentrations. These data are summarized in
Tables VI end VII. Again it was observed that for a given
reaction either the concentration of iodine or thioglycolic
aclid remaining after the destruction of the persulphate was
independent of time. Consequently, 1t appears certain that
two moles of thioglycolic acid were destroyed for each mole
of persulphate reacted, and all subsequent reactions were
followed by determining thioglycolic acid concentration as a
function of time and assuming the stoichiometric ratio to be
two.

The initial rates of the above reactions were examined
and appeared to be functions of both the persulphate and the
thioglycolic acid concentrations. However, these rates were
not investigated in a quantitative fashion since there was
also evidence that the results were not reproducible.
Typical of many of the data obtasined are the results from
experiments 8, 9 and 12 which are illustrated in Figure 2.
Assuming that these results were reproducible it would be
extremely difficult to suggest & mechanism which accounted
for the shapes of these reaction - time curves and for the
relation between initial rate and the initial concentrastions
of persulphate and thioglycolic acid.

Since reproducible results were prerequisite to further

progress in the investigation, experiments were made to



RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID AND PERSULPHATE

TABLE VI

WITH DIFFERENT INITIAL CONCENTRATIONS OF THIOGLYCOLIC ACID

Initial Conc. Potassium Persulphate 0.00500 M/1

Initial Conc. Thioglycolic Acid - M/1

0.00169 0.00278 0.00392 0.00828 0.01092
(Exp. 5) (Exp. 6) (Exp. 7) (Exp. 8) (Exp. 9)
Time [TSH][S00g™] | Time [TSH][S20g=]1| Time [TSH](S20g%]| Time [TSH][S20g™]1| Time [TSH][S20g™]
(min.) M/l M/l (min.) M/l M/l (min.) M/l M/l (min.) M/l M/l (min.) M/l M/l
x 103 x 103 x 103 x 103 x 103 x 103 x 105 x 103 x 103 x 103
8 1.68 4.99 3 2.77 4.99 4 3,91 4.99 8 8.25 4.98 3 10.91 4.99
20 1.63 4.97 15 2.74 4.98 18 3.81 4.94 21 8.16 4.94 15 10.82 4.95
38 1.62 4.96 35 2.68 4.95 50 3.74 4.91 44 8.10 4.91 48 10.68 4.88
69 1.55 4.93 58 2.67 4.94 87 3.64 4.86 89 7.97 4.84 83 10.51 4.79
97 1.51 4.91 87 2.62 4,92 128 3.55 4.8l 131 7.92 4.82 124 10.36 4.72
155 1.40 4.86 115 2.60 4.91 179 3.46 4.77 182 7.76 4.74 176 10.21 4.64
232 1.37 4.84 145 2.58 4.90 246 3.40 4.74 250 7.57 4.64 244 9.99 4.53
354 1.19 4.75 222 2.45 4,84 209 3.30 4.69 305 7.39 4.55 208 9.89 4.48
462 1.04 4.67 344 2.30 4.76 369 3.02 4.55 371 7.33 4.52 364 9.67 4.37
452 2.14 4.68 445 3,02 4.55 446 17.13 4.47 440 9.56 4.32
Initial -d[TSH]
dt
(M.131 min.-1)
2.5 x 1076 3.1 x 1078 4.4 x 1076 5.1 x 1076 6.0 x 1076

-??-




TABLE VII

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID AND PERSULPHATE

WITH DIFFERENT INITIAL CONCENTRATIONS OF PERSULPHATE

Initial Conc. Thioglycolic Acid 0.00550 M/1

Initial Conc. Potassium Persulphate - M/1
0.00206 0.00317 0.00514 0.00706 0.01011
(Bxp. 10) (Exp. 11) (Exp. 12) (Exp. 13) (Exp. 14)
Time [TSH][5208=] Time [TSH][8208=] Time [TSH][3208=] Time [TSH][5208=] Time [TSH][8208=]

(min.) yp yyp |mING) g oy I ypn oy (mine) yy oy [Ny oy

!

x 103 x 103 x 103 x 103 x 103 x 103 x 103 x 103 x 103 x 103 &

3 5.47 2.02 4 5.46 3.14 7 5.44 4.96 5 5.46 7.01 7 5.34 10.00
23 5.44 2.00 12 5.42 3.10 14 5.42 4.95 11 5.21 6.89 25 5.02 9.84
40 5.36 1.96 35 5.34 3,06 37 5.26 4.87 33 5.04 6.80 50 4.78 9.72
57 5.28 1.92 61 5.19 2.99 64 5.22 4.85 69 4.78 6.66 72 4.63 9.65
79 5.25 1.91 96 5.08 2.93 99 5.09 4.79 o7 4.69 6.63 | 100 4.52 9.54

98 5.16 1.86 135 5.04 2.91 138 5.03 4.76 144 4.48 6.52 146 4.32 9.49
156 5.15 1.86 187 4.90 2.84 191 4.98 4.73 202 4.23 6.40 205 4.10 9.38
266 4.98 1.77 265 4.77 2.78 268 4.90 4.69 285 3.81 6.24 278 3.886 9.26

543 4.97 1.77 377 4.63 2.71 381 4.74 4.61 367 3.47 6.02 369 3.56 9.11
485 4,79 1.68 442 4.54 2.66 446 4.55 4.52 432 3.32 5.94 434 3.32 8.99

Initial 5.9 x 10-6 6.5 x 10°5 8.1 x 108 10.0 x 10~ 20.2 x 10™6

d[TsH - -
-'__Ef_l (M.1. 1 min. 1)
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FIGURE 2

RATE OF DISAPPEARANCE OF PERSULPHATE WITH DIFFERENT

INITIAL CONCENTRATIONS OF THIOGLYCOLIC ACID

Initial Conc. Sg0g= 0.00500 M/1

O Exp. 8 Initial Conc. TSH 0.00828 M/1
g " ° " " " 0.01092 M/1

e " 12 " " " 0.00514 M/1
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determine, if possible, the reason for the apparent
irreproducibility. Two standard solutions of thioglycolic
acid of the same concentration and two standard solutions

of persulphate of the same concentration were prepared.
Water from the same source was used»to prepare these
solutions and the reaction mixtures. For two experiments
(Nos. 15 and 16) two new Erlenmeyer flasks were rinsed with
distilled water and then dried in the oven. In one experi-
ment (No. 15) one pair of persulphate and thioglycolic acid
solutions was used and in the other experiment (No. 16) the
second pair of solutions was used. The rate of experiment
15 was greater than that of experiment 16. A third new
Erlenmeyer flask was then rinsed with cleaning solution
followed by tap water and finally by distilled water, and
was then dried in the oven, This flask was used for experi-
ment 17 for which the first pair of solutions was employed.
A flask which had been used for a previous experiment wsas
cleaned in exactly the same manner as for experiment 17 and
was used for experiment 18 in which the second pair of
solutions was used. The results of these experiments are
shown in Table VIII and in Pigure 3, Examination of the
figure indicates that the rates for the two mixtures made from
the second palr of solutions were consistently Intermediate
between the rates for the mixtures prepared from the first
pair of solutions. Moreover, the rate did not seem to depend

upon the stock solutions used in preparing reaction mixtures.
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TABLE VIII

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID

Initial Conc. Potassium Persulphate 0.0100 M/1

Initial Conc. Thioglycolic Acid 0.00570 M/1

(Fxp. 15) (Exp. 16) (Exp. 17) (Exp. 18)
Time [TSH] Time [TSH] Time [TSH] Time [TSH]
(min.) M/1 (min.) M/1 (min.) M/1 (min.) M/1

x 10° x 10° x 10% x 10°

8 5.57 8 5.50 14 5.48 22 5.37

29 5.14 29 5.16 38 5.34 38 5.24

60 4.74 60 4,85 66 5.09 66 5.02
104 4.29 105 4.41 113 4.81 115 4.71
146 3.90 147 4.01 153 4.73 153 4.43
221 3.18 221 3.53 226 4.46 228 3.96
262 2.87 261 3.22 266 4.32 266 3.67
327 2.24 327 2,72 332 4.08 333 3.24
374 1.95 374 2,42 379 3.89 380 2.92
431 1.49 431 2.05 436 3.68 438 2.58
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FIGURE &

RATE OF DISAPPEARANCE OF THIQGLYCOLIC ACID

Initial Cone. 8505~ 0.0100 M/1

Initial Cone. TSH 0.00570 M/1

O Exp. 15
o " 16
A " 17
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Four experiments were conducted in Erlenmeyer flasks,
two of which were coated with paraffin and two with a sillcone
polymer. The results are shown in Table IX and Figure 4.
It is apparent that the glass surface was not wholly, and
perhaps not at all, responsible for the irreproducible rates
of reaction observed in previous experiments.

Since only laboratory distilled watef was used it seemed
possible that trace cation impuritles were responsible for
the difficulties, especially since similar difficulties were
known to occur in the reaction of persulphate with thiosulphate
(62) and with oxalate ion (60). Accordingly, some experiments
were made with identical concentrations of persulphate and
mercaptan and with the other experimental conditions identical,
with the exception that small concentrations of different
cations were added. The addition of cupric lon was observed
to accelerate the reaction slightly, but the results still
could not be reproduced. Ferric lons were observed to have
a very pronoﬁnced effect upon the rate and the results
appeared to be reproducible., When dissolved iron was present
in reaction mixtures, the progress of reaction was followed
by adding aliquots to 25 ml. of approximately 20% phosphoric
acid and determining the mercaptan iodimetrically. The
phosphoric acid, by complexing the ferric ion, served to
slow the reaction and prevent possible complicatlions in the

subsequent titration with iodine. These results are
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TABLE IX

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID IN

VESSELS COATED WITH PARAFFIN AND SILICONE

Initial Cone. Potassium Persulphate 0.0100 M/1

Initial Cone. Thioglycolic Acid 0.00550 M/1

(Exp. 19) (Exp. 20) (Exp. 21) (Bxp. 22)
Time [TSH] Time [TSH] Time [TSH] Time [TSH]
(min.) M/1 (min.) M/1 (min.) M/1 (min.) M1

x 103 x 109 x 10° x 103

8 5.18 13 5.32 11 5.40 15 5.38

28 4.36 31 5.20 29 5.19 34 5,32

40 3.76 69 4.97 67 5.03 71 5.06

65 2,89 106 4.80 104 4.91 108 4.86
102 1.76 154 4.62 154 4.71 156 4.62
151 0.67 223 4.27 221 4.49 225 4.22
219 0.19 299 3.92 296 4.16 301 3.88

403 3.51 401 3.79 406 3.34
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FIGURE 4

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID IN

VESSELS COATED WITH PARAFFIN AND SILICONE

Initial Conc. Sp04~ 0.0100 M/1

Initial Conc. TSH 0.00550 M/1

O Exp. 19
D " 20
A " 21
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summarized in Tables X and XI. Semi-logarithmic plots of
persulphate concentration against time were drawn (Figure 5)
and slopes at zero time were measured to obtaln pseudo first
order rate constants, k;. Later experiments indicated that
these semi-logarithmic plots were curved because the ionic
strength in the reaction mixtures was changing with time.
When these constants, each for a different iron concentration,
were plotted against the concentration of dissolved iron,
the resulting line was found to extrapolate to zero for zero
concentration of iron (Figure 6). This indicated that, in
the absence of iron, the reaction of persulphate with thio-
glycolic acid was very slow, indeed negligible.

4 plot of the half-life for the reaction against the
concentration of added iron (Figure 7) showed that this
quantity was more sensitive to the concentration of dissolved
iron as the concentration of added iron was decreased.

It is interesting to note that experiments 27 and 28
were identical in every way except in 28 salicylic acid was
also present. Experiment 28 was initiated by adding
thioglycolic acld to persulphate and ferric ion, and the
violet-coloured complex formed by ferric ions and salicylie
acid disappeared almost instantly upon the addition of the
thioglycolic acid and did not reappesr. Thus it would seem
that if ferric ions were present in the reaction mixture

they were prevented by the thioglycolic acid from forming
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TABLE X

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID WITH

DIFFERENT INITIAL CONCENTRATIONS OF CUPRIC ION

Initial Conc. Potassium Persulphate 0.00160 M/1

Initial Conc. Thioglycolic Acid 0.00450 M/1

Initial Conc. Cupric Ion - M/1

4.0 x 10~5 10.0 x 10-° 10.0 x 1079 20.0 x 10=°
(Exp. 23) (Bxp. 24) (Bxp. 25) : (Exp. 26)
Time [TSH] Time [TSH] Time [TSH] Time [TSH]
(min.) M/1 (min.) M/1 (min.) M/1 (min.) M/1

x 109 x 103 x 10° x 109
3 4.47 4 4,37 4 4.31 4 4.22
17 4.12 7 4.21 24 3.78 27 3.53
2n 4,07 18 4.00 53 3.28 62 2.78
41 4.12 35 3.68 74 3.08 101 2.42
63 4.12 71 3.51 100 2.88
90 3.94 99 3.41

1253 5.79




TABLE XT

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID WITH DIFFERENT

INITIAL CONCENTRATIONS OF FERRIC ION

Initial Conc. Potassium Persulphate 0.00160 M/1

Initial Conc. Thioglycolic Acid 0.00460 M/1

Initial Conc. Ferric Ion - M/1
10.0 x 10-5[10.0 x 1075 4.0 x 10~3| 4.0 x 1075] 2.0 x 10-5| 0.8 x 10~5| 0.4 x 10~5| 0.08 x 10-5
(Exp. 27)| (Exp. 28)f (Bxp. 29)| (Exp. 30)| (Exp. 31)| (Exp. 32)| (Exp. 33)| (Exp. 34)
Time [TSH]| Time [TSH]| Time [TSH]| Time [TSH]| Time [TSH]| Time [TSH]| Time [TSH}| Time [TSH]
(min.) M/1 | (min.) M/1 | (min.) M/1 | (min.) M/1 | (min.) M/1 | (min.) M/1 | (min.) M/1 |(min.) M/1
x 109 x102 x 103 x 103 x 105 x 109 x 103 x 109
3.0 2.72 | 3.0 2.88 | 2.5 3.70 | 3.5 3.55| 3.5 3.86 | 3.0 4.33 | 3.5 4.33 | 3.5 4.60
6.0 2.11| 6.0 2,08 | 5.0 3.05| 8.0 2.51| 6.0 3.38| 8.0 3.71 | 7.0 4.24 [11.0 4.45
9.0 1.78 |14.0 1.65 | 8.0 2.53 {19.0 1.83| 9.0 2.95 [15.0 3.13 [12.0 3.88 [19.0 4.33
18.0 1.64 [23.0 1.57 {14.0 2.03 |25.0 1.73|16.0 2.34 [22.5 2.71 [21.0 3.46 |29.0 4.12
32.0 1.59 [32.0 1.50 {25.0 1.69 |31.0 1.74|23.0 2.08 [32.5 2.36 [29.0 3.24
30.0 1.85
ki(minfl) 0.267 0.267 0.129 0.129 0.081 0.041 0.018 0.005
%;igj%ife 2.0 2.0 5.6 5.6 9.1 17.5

* Exp. 28 was made in 0.0025 M salicylic acid.

]
)
o))

L}
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TABLE XTI

VARTATION OF ki AND THE REACTION HALF-LIFE WITH INITTIAL

CONCENTRATION OF FERRIC ION

Exp. No. Initial ki Half-Life
[Fettt] (min.-1) (min.)
M/1 x 109

o 10.0 0.267 2.0
28 10.0 0.267 2.0
29 4.0 0.129 5.6
30 4.0 0.129 5.6
31 2.0 0.081 9.1
22 0.8 0.041 17.5
33 0.4 0.018

34 0.08 0.005
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FIGURE 5

EFFECT OF DIFFERENT INITIAL CONCENTRATIONS OF FERRIC ION

Initial Conc. 8505 0.00160 M/1

Initial Conec. TSH 0.00460 M/1

O Exp. 27 Initial Cone. Fe*** 10.0 x 10°° M/1

O " 30 " " " 4,0 x 1075 M1
A " 31 " " " 2.0 x 1075 M/1
e " 32 " " "n 0.8 x 107° M/1

X " 33 " " " 0.4 x 10° M1
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FIGURE 6

EFFECT OF DIFFERENT INITIAL CONCENTRATIONS OF FERRIC

ION ON ki, THE PSEUDO FIRST ORDER RATE CONSTANT

Initial Conc. Sg05™ 0.00160 M/1

Initial Conc. TSH 0.00460 M/1
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FIGURE 7

EFFECT OF DIFFERENT INITIAL CONCENTRATIONS OF FERRIC

ION ON THE REACTION HALF-LIFE

Initial Conc. 8505 0.00160 M/1

Initiel Conc. TSH 0.00460 M/1
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the violet complex with salicylic acid. The reaction rate
was uninfluenced by the salicylic acid.

These results indicated that soluble iron salts are
capable of markedly catalyzing the reaction of persulphate
with thioglycolic acid, and that trace impurities of ferric
ion in the water could have an appreclable effect upon the
rate of reaction. Hence, the irreproducibility of the
results in the absence of added iron could very well be due
to a variation in the concentration of thils impurity from
one reaction mixture to another. However, these experiments
cannot be regarded as proof that the reaction of persulphate
with thioglycolic acid observed in the absence of added iron
is due to the presence of only iron as an impurity. Other
impurities than iron might also catalyze the reaction.
Neither do the experiments prove that impurities are essential
for the reaction between persulphate and mercaptan.to occur.
To investigate this latter question it would be necessary to
purify both the water and the reagents extensively or,
alternatively, to search for a sequestering agent capable of
eliminating the effect of cation impurities without itself
interfering in the reaction. Since either of these courses
would have been completely empirical and quite doubtful of
yielding unequivocal results, attention was turned to a study
of the reaction in the presence of deliberately added

soluble salts of iron,
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In all of the experiments to be described henceforth,
ionic strength was controlled by adding known amounts of
potassium sulphate, sulphuric acld and mixtures of potassium
sulphate and sulphuric acid to the reaction mixtures. Under
certain conditions, neither KS0,” nor HS04~ ions dissoclate
completely to form potassium, hydrogen and sulphate ions (117,
118).

HSO,~ <= H' + 80,7
KS04~ <= K* + S047
Consequently, it was necessary to use the following equation
to calculate values of the ionic strength.
I=3m + 3mg - 22 - 2B (1)
where

m) represents the concentration of sulphuric acid in moles/liter

mo " " " " potassium sulphate " "
a n " n " HSO4- ions " "
B n id " " KSO 4 - " 1" "

The dissociation constants of HSO4~ and KSO4~ at 25°C and
zero ionic strength are 0.0102 (117) and 0.11 (118) respectively
end are given by the following relations:
_ [H*1[5047] . fH+fSO4=
[HS0,4"] fHS04"

Ky
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_ (2my-q) (m1+ mg-a-B) fp+fg0,=

= . (2)
a HSO4
K2 - (2m2-B)(ml+ mz-a-ﬁ) fK+fSO4= (5)
B Tkso,"
Bquation (3) rearranges to
- . Tx+T50,=
logfB = log(2m2-ﬁ)(m1+ mo-a-B3)-log Ko + log _K "504™ (4)

TKs0,~

Values of a and B were obtained by using equations (1), (2)
and (4) and taking successive appr<ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>