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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 in 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 exemple of such a compound and has received 

wide application as a polymerization initiator or catalyst 

(1, 2, 3). 

The present research was planned with the intention of 

obtaining more information about 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 electr0lyte 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. 
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Reactions of Persulphate Ion 

In spite of the fact that persulphate oxidizes many 

substances at a slow rate, it is a very strong oxidizing 

agent with an estimated normal electrode potentiel of two 

volts (5). The ion has been assigned the following structure 

( 3): 

In all of its reactions, ultimate scission of the peroxidio 

linkage has been postulated. 

In general, peroxide oompounds are believed (6) to 

funotion as polymerization initiators by first deoomposing 

homolytioally to produce two radioals whioh then reaot with 

the monomer • 

Catalyst ...., 2R • 

Evans and Baxendale (7) suggested that persulphate .funotioned 

as a oatalyst in a similar fashion, that is, the persulphate 

ion deoomposed to yield sulphate ion radicals, 
= 2SO.:. 4 

These authors also proposed that both toluene and aceticaeid were 

oxidized to dibenzyl and suocinio acid respeotively by sulphate 

ion radicals rather than by persulphate ion itself, 

s2oa= ..... 2SO ..:. 4 . 
+ HS04-so4- + PhCH3 ..... PhCH2• 

2PhCH2 • ..... PhCH2 - CH2Ph 

and so4..:. + CH3COOH ..... "CH2COOH 

2•CH2COOH ..... (CH2COOH) 2 
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In aqueous solution persulphate ion bas 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, 

= k1Ls2o8=] + k2LW][s2o8=] 

= ko[82oa=] 

where ko = k1 + k2[H+]. 

Their postulated mechanism is: 

(A) uncatalyzed reaction: 

s 2o8= -+ 2so4..:. 

2804..:. + 2H2o -+ 2HSo4- + 2HO• 

2HO • -+ 1/202 + H20 

(B) catalyzed reaction: 

s2o8= + H+ _..., H82o8- ... 

804 -+ 

S04 + HS04-

so3 + 1j2o2 • 

Bartlett and Nozaki (11) observed that the addition of 

either 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. 

8208- -+ 2So4..:. (la) 

s2oa= + CH30H -+ ~~OH + HSo4- + so ..:. 
4 (lb) 

so4..:. + CH30H ... ÇH20H + HS04 - (2) 
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(4) 

The calculeted rate expression egreed with that observed 

experimentelly provided step (la) was assumed to be negligible 

relative to (lb). 

d[ S20 =] /k-1b _ 3/2 1/2 
- dta = k1bls2o8=][cH3oH] + k3\(k

4 
[s2o8-] [cH3oH] 

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 postulated 

a mechanism which was identical in form with that outlined 

above. The reaction was studied in a solvant consisting of 

lOO ml. of acrylonitrile and 12.5 ml. of water. 

s2oa= + ~NHNH~ ~NH~ + 
. .... HSo4- + so4-

304.!. + 9ffiHNH~ .... ~NH~ + HSo4-. 
s2oa= + ~NNH~ .... ~NN~ + HSO - + so4..:. . 4 

2~NH~ .... ~NN~ + ~NHNH~ . 
Kolthoff, Meehan and Carr (13) measured the rate of 

disappearance of persulphate in the presence and absence of 

allyl 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 resulta of Bartlett 
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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 and secondary 

alcohols (14) are subjected to ionizing radiations the cor­

responding glycol and hydrogen are generally obtained. 

CH3,HOH + ~. 

CH3CHOH 

At the same time the alkoxy radicale may be further oxidized 

to yield an aldehyde from a primary alcohol or a ketone from 

a secondary alcohol, in addition to the glycol. Skraba, Burr 

and Hess (15) observed that irradiation of methanol by p -
particles produced only the glycol and hydrogen, and no 

formaldehyde was detected. In the light of these observations, 

it appears very unlikely the methoxy radicale postulated to 

be present in the persulphate - methanol system undergo 

disproportionation. 

The reaction of persulphate with isopropanol, which bas 

been investigated by Levitt and Malinowski (16, 17, 18), 

differa markedly from the persulphate - methanol reaction. 

Individuel experimenta showed first rather than three halves 

order i n persulpha t e concentration and zero order in a lcohol 

concentration. The measured first order rate constant 
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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 constant initial concentration of the alcohol. 

Acetone was suggested as a product of this reaction. No 

mechanism was proposed to explain the experimental resulta. 

Ball (19) also studied this reaction and reported that 

his experimental resulta 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 radicale 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 raîsed the question of whether direct interaction 

between these occurred in the polymerization reaction. The 

addition of mercaptans to these systems not only regulates 
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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 independant of the mercaptan employed. This limiting 

value of the rate constant decreased with increase in initial 

persulphate concentration, and it was concluded that this was 

due to a secondary salt effect. The following mechanism, 

which assumes the operation of a solvent cage, was proposed 

to account for the results. 

so4.:. + RSH 

slof ,..._ 
fast 

fast 
~ 

Levitt (23) has suggested that the rate of reaction 

between persulphate and mercaptans was governed by an 

equilibrium between persulphate ion, sulphate ion and 

sulphur tetroxide; thus 
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s2o8= i! so4 + so = 4 

RSH + so4 ~ R~OS03 .... RS+ + HS04-
H 

Rs+ + RSH .... RSSR +W 

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 1 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 

independant of the presence or absence of mercaptan, and the 

suggested mechanism was 

0 0 
Il Il 

s2o8= + Rao- .... so.!. + RaO• + so = 4 4 

0 0 
Il Il 

S04.!. + Rao- .... RaO• + so4= 

0 0 
u Il 

RaO• + RSH + OH- .... RS• +Rao- + H20 

2RS• .... RSSR 

It was proposed that the reaction of olefins with mercaptans 

in auch a system involved a chain mechanism (28). The 

following two steps were postulated to initiate the chain, 
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and 

2SO ..:. 4 

where XH refers to the unsaturate. 

Howard and Levitt (29) investigated the reactions 

between persulphate and sorne organic sulphides and sulphoxides. 

These reaction rates were first order in persulphate con-

centration and were independant of the concentration of the 

organic compound. The following sequence of reactions was 

suggested. 

sulphide ~ sulphoxide ~ sulphone 

and R2SO + S20a= + 20H- ~ R2S02 + 2so4= + H20. 

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 a 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 dissociation 

of the peroxide bond in the persulphate. 

2SO ..:. 
4 

Tobolsky and Mesrobian (31) have discussed, in a general 

way, the modes of decomposition 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 

where kd[P] representa the rate of the homolytic dissocia­

tion and ki[P]x representa 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 reactions of organic 

peroxides and hydroperoxides in the presence of organic 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 organic compounds, and about the cage 

affect which appeared 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). 

s2o
8
= +Fe++ 

so4~ + Fe++ 

Fe+++ + SO = + SO ~ 
4 4 

Fe+++ + SO = 4 
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The reactions of ferrous ion with persu1phate, hydrogen 

peroxide, organic peroxides and hydroperoxides 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 postu1ated that, for the hydro-

peroxide reactions, a complex is formed between the ferrous 

ion and the hydroperoxide, and this subsequent1y decomposes 

to yie1d ferric ion and a radical. 

Fe+++ ROOH .• ROOH ~ Fe++++ OH-+ RO• 
x 
Fe++ 

Cahil1 and Taube (40 have suggested that ferrous ion reacts 

with hydrogen peroxide by two mechanisms, both of which 

occur simultaneous1y, 

and 

Fe++ + H202 ~ Fe(IV) + 20H­

Fe++ + H2o2 ~ Fe+++ + OH- + •OH 

In the first case, two electrons are transferred in a 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 ratio6[Fe++]j6[H2o2 ] has been 

observed to be two. However, Haber and Weiss (41) discovered 

that when 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 Raaen (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), 

followed 

or 

s2oa= + Fe++ .... Fe+++ + so4.:. + so4= 

so4.:. + Fe++ .... Fe+++ + so4= 

so4.:. + CH3CH20H .... CH3qHOH + HSo4-

by either 

CH3qHOH + s 2o8= -+ CH3CHO + Hso4-

CH3~HOH + Fe+++ -+ Fe++ + CH3CHO 

(1) 

(2) 

(3) 

( 4) 

(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~[Fe++]j~[s2o8=] 

decreased from two to less than one. However, in the 

presence of oxygen this ratio 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 (Ro 2 .) 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). 

so4.:. + x- .... x· + so4= 
X· + Fe++ -+ Fe+++ + x-

---------------- ---------·-- - · - -- --
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Kolthoff et al (45, 46, 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 resulta of 

these experimenta 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 absence of silver ions,they proceed 

at an immeasurably low rate (48, 49, 50, 51). In the 

presence of silver ions, the rate was found to be independant 

of the above substrates, and the following general mechanism 

was proposed. 

s 2o8= + Ag+ 

Ag+++ + reducing agent 

Ag+++ + 2So4= 
Ag+ + oxidized form of the 

reducing agent. 

The rate of reaction between persulphate and ammonia, 

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(NH3 )2+. 

s 2o8= + Ag(NH3 )2+ ~ Ag+++ + 2so4= + 2NH3 
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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 sulphate ions and, to a lesser extent, 

chloride ions retarded the reaction of ferric ions with 

iodide ions, and he suggested that was due to complexing 

of the ferric ions. It has also been observed that the rates 

of many isotopie 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 it, and at other times to inhibit it. 

Orgel (58) has discussed the subject of complexes and related 

topics at sorne length. 

Persulphate has been observed to oxidize oxalate ion to 

carbon dioxide and water, but the reaction rates appeared to 

be effected 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 



- 15 -

to yie1d tetrathionate was a1so observed to be inr1uenced 

by trace impurities in the water (61, 62). King and 

Steinbeck (61) have studied the cata1ysis by iodide ions 

and by cupric ions and were able to estirnate the rate or 

reaction of persulphate with both thiosulphate and with the 

reduced form or the catalyst. Sorurn and Edward (62) 

investigated the uncatalyzed reaction and found it to be 

of a camplex nature. 

The reaction of persulphate with iodide has been 

thoroughly studied with particular attention to the affect 

of ionie strength (63, 64, 65, 66). The following mechanism 

has been postulated (66). 

k2 
< ) rs2o8= 
kl 

k3 
-+ r 2 + 2So4= 

The persulphate lon, unlike hydrogen peroxide and sorne 

of the organic hydroperoxldes, has never been observed to be 

oxidized. It has been postulated (35, 40, 67, 68) that in 

the oxidation of these latter substances the 0-H bond rather 

than the 0-0 bond is severed, and this cou1d account for the 

resistance of persulphate to oxidation. 

Reactions of Mercaptans and Disulphides 

The mercaptan and d!sulphide groups, since they are 

present in many proteine, are important in the chemical 

behaviour of many naturel products and during recent years 
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have become the subject of extensive investigations. Interest 

in mercaptan campounds, especially, has also been strongly 

stimulated by their wide application as "modifiers11 in emulsion 

polymerization systems. A great deal of attention has also 

been focussed on the part played by sulphur in the vulcaniza­

tion of rubber and rubberlike materiels, 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 aqueous 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, ferric 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 2 + (primary)2RSH ~ RSSR + 2HI 

I 2 + (tertiary)RSH ~ RSI + HI 

In the reaction of iodine with secondary mercaptans a 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, 
(-SH) group 

Cysteine 5.02 x 10-9 8.30 69 

Cysteine 3.32 .x lo-9 8.48 71 

Mercapto ethylamine 2.52 .x lo-9 8.60 69 

Mercapto ethylamine 4.47 x lo-9 8.35 71 

Mercapto ethanol 3.16 x lo-10 9.50 69 

Thiog1yco1ic a cid 1.66 x 1o-1o 9.78 71 

Th1og1yco1ic a cid 2.10 x 1o-11 10.68 72 
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Stronger oxidizing agents such as permanganate and 

hydrogen peroxide convert mercaptans and disulphides to 

sulphonic acids (73, 78, 79, 80, 81, 82). Under certain 

conditions, oxygen is also capable of yielding sulphonic 

acids from mercaptans (78). 

0 
--.. 

(HN03 ) 

RSSR + 5H202 ~ 2RS03H + 4H20 

Rate measurements for the reaction of hydrogen peroxide 

with dithiodiglycolic acid (80) indicated that a series of 

consecutive reactions occurred, and that sulphoacetic acid 

was produced only in the latter stages. It was suggested 

(
RSSR) that the disulphoxide g8 was one of the intermediates. 

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 salta of metals auch as iron 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). 

5~ + RSSR + 4H20 ~ 2RS02X + 8HX 

Free radicals have been observed to react with mercaptans 

to abstract a hydrogen atom and produce a 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 this reaction occurs so readily that mercaptans 

have found such wide application as 11 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. 

Mn• + RSH ~ MnH + RS• 

RS • + M ~ RSM • ~ RSMn • 

2RS • ~ RSSR. 

Investigations of the addition of thiyl radicals to 

olefinic linkages in non polymerizable compounds have been 

conducted (8?). 

Disulphides react very much more slowly with free 

radicals than the corresponding mercaptans (88, 89). Ionizing 

radiations have been observed to oxidize cysteine almost 

completely to cystine before the cystine in turn was attacked 

(14). 

Mercaptans have been observed to take part in nucleophilic 

exchange reactions with disulphides in aqueous solution. The 

system composed of cystine and either thioglycolic acid 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 • ~ TSST + 2RSH (1) 

RSSR + TSH c JI RSST + RSH (2) 

RSST + TSH ~ • TSST + RSH (3) 

RSSR + TSST • :aa 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 potentiel of the thioglycolic acid - dithiodiglycolic 

acid system was estimated to be +0.095 volts. 

-TSST- + 2H+ + 2e c JI 2TSH-

These equilibria were attained more rapidly in alkaline than 

in acidic 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 following mechanism (92). 

RS;:-H + OH- -:------:aa RS~<-- + H 0 .-..-... 2 

RSSR + RSii-- -c J1 RSS~'"R + RS-

No evidence was found to indicate the appreciable occurrence 

of 

RSSR + OH- c :aa RSOH + RS­

RSOH + Rs·~·- E ,. 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 + 2H20 ~ 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. 
1 1 1 1 
co co co co 
1 1 oH-
CHCH2sscH2cH ;:!! 

1 le 
CHCH2SSCH2C 

1 1 1 1 
NH NH NH NH 
1 1 1 1 

The cleavage of the disulphide bond, whether by nucleo-

philic exchange with thiol groups or by alkaline hydrolysis, 

has been a subject of much importance since by means of such 

reactions protein molecules which contain this group may be 

markedly altered and in sorne 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 disulphide 

bonds in proteins. Stricks and Kolthoff (96) have investigated 

the equilibria of sulphite ion with both cystine and 

dithiodiglycolic acid. 

RSSR(TSST) + so3= .• RS-(Ts-) + RSSo3-(TSSo3-) 

These equilibria were attained more rapidly in alkaline 

solution 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 ions has frequently been employed in the 

quantitative determination of thiel 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 Hg2 (TS) 2 which precipitated (98). It was suggested that 

the first mercuric ion was firmly 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 Hg3 (RS) 2 has been observed (99). 

Cuprous ion reacts with cysteine in ammonical solution 

to form cuprous cysteinate (100). 

cu+ + RSH ~ RSCu + H+ 

It has been shown that cuprous cysteinate is a product of the 

oxidation of cysteine in ammonical solution by cupric ion, 

and that in excess cupric ion the complex is in turn oxidized 

( 75). 

4Rs- + 2cu++ 

2RSCu + 2Cu++ 

2RSCu + RSSR 

RSSR + 4Cu+ 

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 

1 
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thioglycolic react to form a precipitate having the structure 

FeRS. In alkaline solution two soluble complexes are formed 

and the following two equilibria were postulated. 

Fe( OH )(RS-) + 2H+ 

Fe ( R S ) 2 = + 2H + 

---- Fe++ + RSH- + H20 

Fe++ + 2RSH-

Tanaka, Kolthoff and Stricks (102) have observed that cysteine 

' and ferrous ion forma similar series of complexes. 

Ferric ion reacts with both compounds in acid solution 

(pH<3) to forma 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 

dissociation 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 disappeared 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 thioglycolic acid and cysteine with 

ferric ion were more stable in weakly acidic sol ut ion (pH> 4.6) 

and in alkaline solution than the blue complexes in strong 

acid (103, 105). It was shown that one red complex with 

thioglycolic acid, Fe(OH)(RS) 2=, and two with cysteine, 

Fe(OH)(RS)2= and Fe(RS)3=, were capable of formation in the 

weakly acid or alkaline media (101, 102), 
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Fe(OH)(RS)2= + 3H+ ~ Fe+++ + 2RSH- + H20 

and when RSH refers to cysteine 

Fe(OH)(RS) 2= + Rs= ~ Fe(RS) 3= + 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) 2= - Fe2 (0H) 2 (RS) 4== -
Fe(OH) 2 (RS) 4

4- -+ 2Fe++ + -RssR-

Fe(OH)(RS)2= + H20 - Fe(OH) 2 (Rs)- + RSH--
Fe(OH)(RS) 2= + Fe(OH) 2 (RS)- -+ Fe2 (0H) 3 (RS) 3= 

Fe2 (0H) 3 (RS) 3= -+ 2Fe++ + -assR-

Fe(OH)(RS) 2= + H+ -+ Fe(OH)(Rs)- + RSH-

Fe(OH)(RS) 2= + Fe(OH)(RS) - Fe2 (0H) 2 (RS) 3= -
Fe2(0H)2(RS)3= -+ 2Fe++ + -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 experimenta 

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 ion - 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. 

02 + Fe(II)RS-complex ..... Fe(III)RS-complex + ·o2-

·o - + HSR-2 
..... HO - + 2 ·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(II)(RS)2 + ~SSR- .• 2Fe(III)(RS) 3 + 2e 

2H+ + 2Fe++ + -RSSR- .• 2Fe+++ + 2RSH+ 

The equilibrium constants ~or these two reactions were 

determined and with these the oxidation - reduction potentiel 

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, llO) ha s be en investigated. "Prewaves" were observed 

prior to the wave corresponding to reduction of the disulphide 

(llO, 111), and it was concluded that the prewaves were due 
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to the following reaction. 

RSSR + 2H+ + 2e 2RSH 

It was proposed that this reaction was the net result of the 

two processes shown below. 

RSSR + Hg 

2H+ + Hg(RS)2 + 2e 

HgRS + RS• 

Hg + 2RSH 

Hg(RS) 2 

Oxidation - reduction potentiels of the cysteine - cystine 

and thioglycolic acid - dithiodiglycolic acid systems were 

calculated using the resulta 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 height 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 ( 2) 

Fe++ + RS· ... Fe+++ + Rs- (3) 

Fe+++ + e • • Fe++ (4) 

HgRS + e ..... Hg + RS- (5) 

RSSR + Fe++ 
__. 

Rs· + Fe+++ + Rs- (6) +-

RS · + e __. Rs- (7) 

It was found that the resulta 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 above discussion the reactions of persulphate 

ion, mercaptans and disulphides have been revi ewed briefly. 
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This thesis was conceived, 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 thioglycolic acid for this purpose, 

since, due to its large solubility in water, experimenta 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 experimenta 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 atrnosphere of 

nitrogen at 0°C. The yield of pure materiel was small unless 

the distillation was performed rapidly. The decrease in yield 

with slow distillati on 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 volumetrie 

flask and titrating aliquots with standard iodine solution 

using starch as an indicator and with standard sodium 

hydroxide solution using phenol red as an indicator (70). 

The thioglycolic acid employed in the experimenta was 99.5% 

pure. 

Reagent grade potassium persulphate was supplied by 

Brickrnan and Company (Montreal). Its purity was checked by 

dissolving a 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 volumetrie flasks by mixing standardized 

solutions of the various reactants. Prier 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 vapeur by passing it through distilled water before 

it was bubbled through the solutions. The reaction mixtures 

were swept with moist nitrogen while the experimenta were in 

progress. 

When reaction mixtures were made in volumetrie flasks, 

a measured amount of one solution was added and diluted with 

water until slightly more space remained than was required 

for the solution of the second reactant. This was added from 

a 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 experimenta were conducted at 24.8°0 in a well stirred 

water bath, the temperature of which was maintained constant 

within +0.02°0 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 tbrough 

a copper cooling coil when required. 
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The progress of the reaction was deterrnined by rernoving 

aliquots of the reaction mixture and estirnating the thio­

g1ycolic acid content by titration with a standard solution 

of iodine in a solution of potassium iodide. The titer of 

the iodine solution was checked daily with standard sodium 

thiosulphate solution. Persulphate, if present in the 

aliquot, wou1d react s1owly with iodide ions to produce 

iodine and thus cause a negative titration error. However, 

the titrations were always cornpleted within one minute and as 

expected the error was found to be neg1igib1e (114). Smooth 

curves were genera11y obtained for the disappearance of 

thioglyco1ic acid with reaction time. 

Previous investigations (4, 27) indicated that hydrogen 

ions were produced when persu1phate reacted with mercaptans. 

In a few experimenta the progress of the reaction was fo11owed 

by titrating simultaneous aliquots with iodine solution and 

with standard sodium hydroxide solution using phenol red as 

an indicator. Typical of the resulta 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 oxidation of thioglycolic acid. This 

b ehaviour might mer e1y indicate that because the disulphide 

(product) was a weaker acid (115) than thiog1ycolic 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 A1n 

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 103 x 103 [ TSH] 

( H+] 

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 DISAPPFARANCE OF THIOGLYCOLIC ACID 
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indicate that one hydrogen ion was produced for each 

mercaptan group destroyed. 

It was observed that the reaction mixture gradually 

acquired a very disagreeable odour which could not be 

attributed to the disulphide, and was presumably due to the 

formation of sorne other product. In previous work, Eager 

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 

stoichiometric ratio prevailed during the early stages of the 

reaction. Determination of this stoichiometric ratio as a 

function of time was attempted for the present reaction to 

obtain sorne indication of the importance of any reactions of 

either persulphate or of sulphate ion radicals with substances 

other than thioglycolic acid. However, many weeks of experi­

mental work failed to produce a method by which persulphate 

could be analyzed directly in the presence of thioglycolic 

acid. In general, chemical methods involve reduction of 

persulphate and apparently 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) indi cated that it would b e 

practically impossible to choose a voltage where persulphate 

alone r eacted at the electrode. 
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Experimenta were conducted to determine if the 

thioglycolic acid could be effectively removed from the 

system by sorne means which would not subsequently interfere 

with the persulphate analysis. Precipitation of the thio­

glycolic acid with mercurio nitrate, followed by the usual 

reduction of persulphate with ferrous ion and titration of 

excess ferrous ion with ceric ion, 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 yielded 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 avoided 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 

advantages of these halogens were not realized at the time, 

and no experimenta have been conducted in which they were 
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used. Both are known to oxidize mercaptans rapidly to 

sulphonyl halides at room temperature and thus should 

presumably avold sluggish 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 volatile, a 

deliberate excess could easily be removed by passing nitrogen 

through the solution. 

Another approach which was considered and attempted 

experimentally was to estimate the ferric ion produced from 

ferrous ion by persulphate, the reaction between ferric ion 

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 containing persulphate and thioglycolic acid could 

be diluted and added to a large excess of ferrous ion 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 sorne 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 sulphate ion 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, it 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 is known that when persulphate 

reacts with iodide ion one mole of iodine is produced for 

each mole of persulphate destroyed (113). 

s2o8= + 2r- ~ r2 + 2so4= 
It is also known that one mole of iodine oxidizes two moles 

of thioglycolic acid to form the disulphide (70). 

I2 + 2TSH ~ TSST + 2H+ + 2I-

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 individuel reactions. 

s2o8= + 2TSH ~ TSST + 2HS04-

It is possible that intermediate species, such as sulphate 

ion radicals, might exist, and that these could be capable of 

reacting wi th the disulphide, for example. 
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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, either iodine 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 

rep1aced by ferrous ions. 

s2o8= + 2Fe++ 

2Fe+++ + 2TSH 

2Fe+++ + 2so4= 
TSST + 2H+ + 2Fe++ 

TSST + 2HSo4-

The assurnption 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 iodide ion 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 enabled 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 experimenta 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 iodimetrically. 

Persulphate concentrations in these reaction mixtures were 

determined by adding aliquots to either an excess of iodide 

ion or of ferrous ion and measuring the amount of thioglycolic 

acid or iodine (ferric ion) remaining 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 thioglycolic acid during the initial stages of the 

reaction at least. This observation was independant of the 

initial concentrations. 

For a given reaction between persulphate and thioglycolic 

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 independant of time. This provided additional evidence 

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

ADDITION OF POTASSIUM PERSULPHATE TO MIXTURES OF 

THIOGLYCOLIC ACID AND EXCESS IODIDE ION 

Initial Final Amount I 2 Amount S2oB Amount s2o8= 
Amount TSH Ârn.ount TSH ( calculated) (by analysis) 
(m.moles) (m.moles) (m.mo1es) (m.mo1es) (m.mo1es) 

0.980 0.773 0.000 0.108 0.104 

0.098 0.000 0.059 0.108 0.108 

0.049 o.ooo 0.082 0.108 0.107 
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TABLE IV 

ADDITION OF POTASSIUM PERSULPHATE TO MIXTURES OF 

THIOGLYCOLIC ACID AND EXCESS FERROUS ION 

Initial Final Amount ifunount s2o8= Amount s2o8= 
Amount TSH Amount TSH Fe+++ (ca1culated) (by analysi s) 
(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 o.ooo 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] [s2o8=] Time [TSH] [s2oa=] Time [TSH] [s2oa=] 
(min.) M/1 M/1 (min.) M/1 M/1 (min.) M/1 M/1 

x 103 x 103 x 103 x 103 x 103 x 103 

0 5.65 9.74 0 5.50 5.00 0 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 8.68 189 4.43 4.47 186 5.29 0.83 

262 3.30 8.51 261 4.28 4.39 259 5.14 0.76 

320 2.96 8.34 :3.13 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 obtained thus far indicated that 

persulphate reacted slowly with thioglycolic acid, that two 

moles of thioglycolic acid disappeared 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: 

s 2o8= + 2TSH ~ TSST + 2HSo4-. 

Consequently, it appeared that the disagreeable odeur 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 experimenta 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, aliquots were 

added to excess iodide ion and, after destruction of the 
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residuel persulphate, either the iodine or the thioglycolic 

acid remaining was determined to permit calculation of the 

persulphate concentrations. These data are summarized in 

Tables VI and VII. Again it was observed that for a given 

reaction either the concentration of iodine or thioglycolic 

acid remaining after the destruction of the persulphate was 

independant of time. Consequently, it 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 resulta were not reproducible. 

Typical of many of the data obtained are the results from 

experimenta 8, 9 and 12 which are illustrated in Figure 2. 

Assuming that these results were reproducible it would be 

extremely difficult to suggest a mechanism which accounted 

for the shapes of these reaction - time curves and for the 

relation between initial rate and the initial concentrations 

of persulphate and thioglycolic acid. 

Since reproducible results were prerequisite to further 

progress in the investigation, experimenta were made to 



TABLE VI 

RATE OF DIS4PPEARANCE OF THIOGLYCOLIC ACID AND PERSULPHATE 

WITH DIFFERENT INITIAL CONCENTRATIONS OF THIOGLYCOLIC ACID 

0.00169 
(Exp. 5) 

Time [TSH][s2o8=] 
(min·) M/1 M/1 

x 103 x 103 

8 1.68 4.99 
20 1.63 4.97 

38 1.62 4.96 

69 1.55 4.93 

97 1.51 4.91 

155 1.40 4.86 

232 1.37 4.84 
354 1.19 4.75 
462 1.04 4.67 

Initial -d[TSH] 
dt 

(M.l:1 min.-1) 
2.5 x 10-6 

Initial Conc. Potassium Persulphate 0.00500 M/1 

Initial Conc. Thiogl~~olic Acid - Mil 
0.00278 0.00392 0.00828 

(Exp. 6) (Exp. 7) {Exp. 8) 

Time [TSH][s2o8-J 
(min·) M/1 M/1 

Time [TSH][s2o8=] 
(min·) M/1 M/1 

Time [TSH][s2o8=] 
(min •) M/1 M/1 

x 103 x 103 x 103 x 103 x 10:3 x 103 

3 2.77 4.99 4 3.91 4.99 8 8.25 4.98 

15 2.74 4.98 18 3.81 4.94 21 8.16 4.94 

35 2.68 4.95 50 3.74 4.91 44 8.10 4.91 

58 2.67 4.94 87 3.64 4.86 89 7.97 4.84 

87 2.62 4.92 128 3.55 4.81 131 7.92 4.82 
115 2.60 4.91 179 :3'.46 4.77 182 7.76 4.74 

145 2.58 4.90 246 :5.40 4.74 250 7.57 4.64 
222 2.45 4.84 299 3.30 4.69 305 7.39 4.55 
344 2.30 4.76 369 3.02 4.55 371 7.33 4.52 
452 2.14 4.68 445 3.02 4.55 446 7.1:3 4.47 

-~ 

3.1 x 10-6 4.4 x lo-6 s.1 x lo-6 

0.01092 
(Exp. 9) 

Time [TSH][s2o8=l 
(min •) M/1 M/1 

x 103 x 103 

3 10.91 4.99 

15 10.82 4.95 

48 10.68 4.88 

83 10.51 4.79 

124 10.36 4.72 
176 10.21 4.64 

244 9.99 4.53 
298 9.89 4.48 
364 9.67 4.37 

440 9.56 4.32 

6.0 x 10-6 

~ 
~ 



0.00206 
(Exp. 10) 

Time (TSH][s2o8=] 
(min.) M/1 M/1 

x 103 x 103 

3 5.47 2.02 

23 5.44 2.00 

40 5.36 1.96 

57 5.28 1.92 

79 5.25 1.91 

98 5.16 1.86 

156 5.15 1.86 

266 4.98 1.77 

343 4.97 1.77 
485 4.79 1.68 

Initial 5.9 x 10-6 

_ d [ T SH] ( M l -1 i -1 ) "t • . m n. 

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 
0.00317 0.00514 0.00706 0.01011 

(Exp. 11) (Exp. 12) (Exp. 13) (Exp. 14) 

Time [TSH][S2o8=] 
(min·) M/1 M/1 

Time [ TSH]( s 2o8 =] 
(min·) M/1 M/1 

Time [TSH][s2o8=] 
(min·) M/1 M/1 

Time [TSH][s2o8=] 
(min·) M/1 M/1 

x 103 x 103 x 103 x 103 x 103 x 103 x 103 x 103 

4 5.46 3.14 7 5.44 4.96 5 5.46 7.01 7 5.34 10.00 

12 5.42 3.10 14 5.42 4.95 11 5.21 6.89 25 5.02 9.84 

35 5.34 3.06 37 5.26 4.87 33 5.04 6.80 50 4.78 9.72 

61 5.19 2.99 64 5.22 4.85 69 4.78 6.66 72 4.63 9.65 

96 5.08 2.93 99 5.09 4.79 97 4.69 6.63 100 4.52 9.54 
135 5.04 2.91 138 5.03 4.76 144 4.48 6.52 146 4.32 9.49 

187 4.90 2.84 191 4.98 4.73 202 4.23 6.40 205 4.10 9.38 

265 4.77 2.78 268 4.90 4.69 285 3.81 6.24 278 3.86 9.26 

377 4.63 2.71 381 4.74 4.61 367 3.47 6.02 369 3.56 9.11 
442 4.54 2.66 446 4.55 4.52 432 3.32 5.94 434 3.32 8.99 

6.5 x 1o-6 s.1 x lo-6 10.0 x 10-6 20.2 x lo-6 

~ 
CJ1 
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FIGURE 2 

RATE OF DISAPPEARANCE OF PERSULPHATE WITH DIFFERENT 

INITIAL CONCENTRATIONS OF THIOGLYCOLIC ACID 

Initial Conc. S2o8= 0 . 00500 M/1 

0 EXp. 8 Initial Conc. TSH 0.00828 M/1 

0 Il 9 " 

• Il 12 Il 

Il 

" 

Il 

Il 

0.01092 M/1 

0.00514 M/1 



1 1 • 0 

1 0 
0 

• . q-

0 0 

1 0 

• /o/o 0 • 
r() z -

:E 
1 

0 D 

v; 
La.J 
:E 

0 -1-0 

~ 0 
(\J 

o/l,o/ 
/~l 0 

0 

AOfo -

•' ofl 
1/. a 

0 
0 CX) w q-

• • . • 
LO v ~ v 

~OIX1/LN'~o"Zs ·oN.OO 



- 47 -

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 seme source was used to prepare these 

solutions and the reaction mixtures. For two experimenta 

(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 was 

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 experimenta are 

shown in Table VIII and in Figure 3. Examination of the 

figure indicates that the rates for the two mixtures made from 

the second pair 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 MLl 

--- -
(Exp. 15) (Exp. 16) (Exp. 17) (Exp. 

Time [TSH] Time (TSH] Time (TSH] Time 
(min.) M/1 (min.) M/1 (min.) M/1 (min.) 

x 103 x 103 x 103 

8 5.57 8 5.50 14 5.48 22 

29 5.14 29 5.16 38 5.34 38 

60 4.74 60 4.85 66 5.09 66 

104 4.29 105 4.41 113 4.81 115 

146 3.90 147 4.01 153 4.73 153 

221 3.18 221 3.53 226 4.46 228 

262 2.87 261 3.22 266 4.32 266 

327 2.24 327 2.72 332 4.08 333 

374 1.95 374 2.42 379 3.89 380 

431 1.49 431 2.05 436 3.68 438 

18) 

[TSH) 
M/1 

x 103 

5.37 

5.24 

5.02 

4.71 

4.43 

3.96 

3.67 

3.24 

2.92 

2.58 
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FIGURE 3 

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID 

Initial Conc. s2o8= 0.0100 M/1 

Initial Conc. TSH 0.00570 M/1 
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Four experiments were conducted in Erlenmeyer flasks, 

two of which were coated with paraffin and two with a silicone 

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 experimente. 

Since only laboratory distilled water was used it seemed 

possible that trace cation impurities 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, sorne experimente 

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 ion was observed 

to accelerate the reaction slightly, but the results still 

could not be reproduced. Ferric ions were observed to have 

a very pronounced 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 complications 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 Conc. Potassium Persulphate 0.0100 M/1 

Initial Conc. Thioglycolic Acid 0.00550 M/1 

(Exp. 19) (Exp. 20) (Exp. 21) (Exp. 

Time [TSH] Time [TSH] Time (TSH] Time 
(min.) M/1 (min.) M/1 (min.) M/1 (min.) 

x 103 x 103 x 103 

8 5.18 13 5.32 11 5.40 15 

28 4.36 31 5.20 29 5.19 34 

40 3.76 69 4.97 67 5.03 71 

65 2.89 106 4.80 104 4.91 108 

102 1.76 154 4.62 154 4.71 156 

151 0.67 223 4.27 221 4.49 225 

219 0.19 299 3.92 296 4.16 301 

403 3.51 401 3.79 406 

~ 

22) 

[TSH] 
M/1 

x 103 

5.38 

5.32 

5.06 

4.86 

4.62 

4.22 

3.88 

3.34 
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FIGURE 4 

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID IN 

VESSELS COATED WITH PARAFFIN AliD SILICONE 
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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 obtain pseudo first 

' order rate constants, k1 • Later experimenta indicated that 

these semi-logarithmtc plots were curved because the ionie 

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. 

A 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 experimenta 27 and 28 

were identical in every way except in 28 salicylic acid was 

also present. Experiment 28 was initiated by adding 

thioglycolic acid to persulphate and ferric ion, and the 

violet-coloured complex formed by ferric ions and salicylic 

acid disappeared almost instantly upon the addition of the 

thioglycolic acid and did not reappear. 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 Cono. Potassium Persulphate 0.00160 M/1 

Initial Cono. Thioglyoolio Aoid 0.00450 ML! 

Initial Cono. Cuprio Ion - M/1 

4.0 x lo-5 1o.o x lo-5 1o.o x lo-5 2o.o x lo-5 
(Exp. 23) (Exp. 24) (Exp. 25) (Exp. 26) 

Time [TSH] Time [TSH] Time [TSH] Time [TSH] 
(min.) M/1 (min.) M/1 (min.) M/1 (min.) M/1 

x 103 x 103 x 103 x 103 

3 4.47 4 4.37 4 4.31 4 4.22 

17 4.12 7 4.21 24 3.78 27 3.53 

27 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 lOO 2.88 

90 3.94 99 3.41 

123 3.79 



10.0 x lo-5 

(Exp. 27) 

Time [TSH] 
(min.) M/1 

x 103 

3.0 2 .72' 

6.0 2.11 

9.0 1.78 

18.0 1.64 

32.0 1.59 

kl(min71 ) 0.267 

Half-life 
{min.) 2.0 

TABLE XI 

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 lo-51 4.0 x lo-5 4.o x lo-5 2.0 x lo-5 0.8 x 10-5 0.4 x lo-5 
(Exp. 28)* (Exp. 29) (Exp. 30) (Exp. 31) (Exp. 32) (Exp. 33) 

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 

x1o3 x 103 x 103 x 103 x 103 x 103 

3.0 2.88 2.5 3.70 3.5 3.55 3.5 3.86 3.0 4.33 3.5 4.33 

6.0 2.08 5.0 3.05 8.0 2.51 6.0 3.38 8.0 3.71 7.0 4.24 

14.0 1.65 8.0 2.53 19.0 1.83 9.0 2.95 15.0 3.13 12.0 3.88 

23.0 1.57 14.0 2.03 25.0 1.73 16.0 2.34 22.5 2.71 21.0 3.46 

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 

0.267 0.129 0.129 0.081 0.041 0.018 

2.0 5.6 5.6 9.1 17.5 

*Exp. 28 was made in 0.0025 M salicy11c acid. 

0.08 x 10-
(Exp. 34) 

Time [TSH) 
(min.) M/1 

x 103 

3.5 4.60 

11.0 4.45 

19.0 4.33 

29.0 4.12 

0.005 

5 

C11 
C11 
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TABLE XII 

VARIATION OF kr AND THE REACTION HALF-LIFE WITH INITIAL 

CONCENTRATION OF FERRIC ION 

Exp. No. Initial k' Half-Life 1 
[Fe+++] 

(min.-1) (min.) 
M/1 x 105 

27 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 

32 0.8 0.041 17.5 

33- 0.4 0.018 

3.4 0.08 0.005 
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FIGURE 5 

EFFECT OF DIFFERENT INITIAL CONCENTRATIONS OF FERRIC ION 

0 Exp. 

0 " 
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Initial Conc. S2o8= 0.00160 M/1 

Initial Conc. TSH 0.00460 M/1 

27 Initial Conc. Fe+++ 10.0 x lo-s M/1 

30 " " " 4.0 x lo-5 M/1 

31 " " " 2.0 x lo-5 M/1 

32 " " " 0.8 x 10-5 M/1 
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FIGURE 6 

EFFECT OF DIFFERENT INITIAL CONCENTRATIONS OF FERRIC 

ION ON k{, THE PSEUDO FIRST ORDER RATE CONSTANT 

Initial Conc. s2o8= 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. s2o8= 0.00160 M/1 

Initial 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 resulta indicated that soluble iron salta are 

capable of markedly catalyzing the reaction of persulphete 

with thioglycolic acid, and that trace impurities of ferric 

ion in the water could have an appreciable effect upon the 

rate of reaction. Renee, the irreproducibility of the 

resulta in the absence of added iron could very well be due 

to a variation in the concentration of this impurity from 

one reaction mixture to another. However, these experimenta 

cannet 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 experimenta prove that impurities are essentiel 

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 resulta, attention was turned to a study 

of the reaction in the presence of deliberately added 

soluble salts of iron. 
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In a11 of the experimenta to be described henceforth, 

ionie strength was contro11ed by adding known amounts of 

potassium su1phate, su1phuric acid and mixtures of potassium 

su1phate and su1phuric acid to the reaction mixtures. Under 

certain conditions, neither KSo4- nor HSo4- ions dissociate 

comp1ete1y to form potassium,hydrogen and su1phate ions (117, 

118). 

HSO -4 

KSO -4 

H+ + SO = 4 

K+ + SO = 4 

Consequent1y, it was necessary to use the fol1owing equation 

to calcu1ate values of the ionie strength. 

I = 3m1 + 3m2 - 2a - 2~ (1) 

where 

ml representa the c one entra ti on of su1phuric acid in moles/liter 

m2 " Il Il n potassium sulphate Il " 
a " " n Il HSO -4 ions " 11 

~ 
Il " Il Il KSO -4 

n Il " 
The dissociation constants of HS04- and Kso4- at 25°C and 

zero ionie strength are 0.0102 (117) and 0.11 (118) respective1y 

and are given by the fo11owing relations: 

[ H+] [ so4=1 

[ HS04 -] 
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= (2) 
a 

= (2m2-~)(m1+ m2-a-~) (3) 

~ 

Equation (3) rearranges to 

(4) 

Values of a and~ were obtained by using equations (1), (2) 

and (4) and taking successive approximations. It was assumed 

that the activity ratios, fH+f304=/fHso4- and f~fso4=/fKSo4 -

were equal at corresponding values of ionie strength over the 

range of ionie strengths employed. 

Several experimenta were made to determine the effect 

on reaction rate of the concentrations of persulphate and of 

thioglycolic at given concentrations of added iron, potassium 

sulphate being used to control ionie strength. Provided 

thioglycolic ac1d was in excess, sem1-logar1thmic plots of 

persulphate concentration against time yielded straight lines, 

the slopes of which were independant of the initial con-

centrations of both persulphate and thioglycol1c acid. 

Decrease in the initial thioglycolic acid concentration had 

very little effect upon the initial rate, but the reaction rate 

fell off slightly more rapidly with time when persulphate was 
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in excess to cause deviation from linearity in the first 

order plots. For a given value of ionie strength it was 

observed that the ratio of this pseudo first order rate 

constant, k{, to the concentration of dissolved iron (i.e. 

k{/[Fe]) yielded another constant k1 , which was independant 

of the concentration of iron. These data are shown in more 

detail in Tables XIII and XIV and in Figure 8. 

The effect of ionie strength on the reaction rate was 

determined by varying the concentration of potassium sulphate. 

The logarithm of k1 , plotted against the square root of the 

ionie strength, yielded a straight line with a slope of -4 

(Figure 9). These resulta are also shown in Table XVI. 

In the seme figure is shown a straight line, the points of 

which were calculated from resulta of a study of the 

persulphate - ferrous ion reaction described by Fordham and 

Williams (32), together with one experimental point determined 

by Orr and Williams (33) for the same reaction. 

In spite of the fact that values of the constant k1 were 

about 50% those obtained by Williams and co-workers for the 

persulphate - ferrous reaction, it seemed that the rate 

controlling step in the reaction studied here was oxidation 

of ferrous ion by persulphate, followed by very rapid 

reduction of ferric ion by thioglycolic acid. 

In the above experimenta hydrogen ion concentration was 

not controlled but was probably always greater than 0.001 M 
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TABLE XI_g 

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID WITH DIFFERENT 

INITIAL CONCENTRATIONS OF THIOGLYCOLIC ACID 

AND POTASSIUM PERSULPHATE 

Conc. Potassium Sulphate 0.10 M/1 

Ionie Strength 0.269 

Initial Conc. Ferric Ion- 10.0 x lo-5~ 

Initial Conc. Potassium Persulphate - M/1 

0.00160 0.00320 0.00640 0.00640 
(Exp. 35) (Exp. 36) (Exp. 37) (Exp. ~8) 

Time [ TSH] Time [ TSH] Time (TSH] Time (TSH} 
(min.) M/1 (min.) M/1 (min.) M/1 (min.) M/1 

x 103 x 103 x 103 x 103 

0 4.50 0 9.00 0 13.50 0 4.50 

3.5 3.99 3.5 7.95 4.0 11.10 3.5 2.93 

6.5 3.56 6.0 7.27 7.0 9.75 5.5 2.00 

9.0 :3.:31 9.0 6.60 9.5 7.?9 8.0 1.20 

12.5 2.96 12.5 5.93 13.5 7.40 10.0 0.59 

19.0 2.48 18.0 5.19 19.5 5.94 11.5 0.29 

25.0 2.22 26.0 4.35 26.0 4.54 

32.5 1.95 31.5 4.06 33.5 3.48 

40.5 1.75 41.0 3.44 42.0 2.64 

49.0 1.57 50.5 3.18 50.0 2.15 

57.0 1.49 58.0 2.94 59.0 1.83 

k{ (min. -1) .0492 .0497 .0460 .0380 
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TABLE XIV 

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID WITH DIFFERENT 

INITIAL CONCENTRATIONS OF THIOGLYCOLIC ACID 

AND FERRIC ION 

Conc. Potassium Sulphate 0.020 M/1 

Ionie Strength 0.075 

Initial Conc. Potassium Persu1phate 0.00640 M/1 

Initial Conc. Ferric Ion - M/1 

2.0 x 10-s 2.0 x 10-s 0.80 x 10-5 0.80 x 10-5 0.80 x 10-5 

(Exp. 39) (Exp. 40 . (Exp. 41) (Exp. 42) (Exp. 43) 

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 

x 103 x 103 x 103 x 103 x 103 

o.o 13.50 0.0 4.50 0.0 13.50 0.0 4.50 o.o 1.80 

3.5 12.51 3.0 3.70 3.0 13.12 4.5 3.94 3.0 1.46 

10.0 10 . 52• 5.5 2.99 12.0 11.82 20.5 2.04 6.0 1.13 

20.0 8.38 9.0 2.11 30.0 9.90 29.5 1.27 8.5 0.85 

30.0 6 .80 15.0 1.05 52.0 7.86 36.5 0.94 11.0 0.61 

42.0 5.20 19.0 0.38 76.5 7 . 51 14.0 0.42 

60.5 3.80 96.6 5.42 

92.0 2.41 114.0 4.67 

141.0 3.71 

162.5 3.25 

' ( -1) k1 min. .0248 .0232 .0110 .0115 .0092 -1 ---_-l ________________________________________________ ___ 

k1(1.M mi n. ) 1240 1160 1370 1430 1150 

-------------------------------------------------------
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FIGURE 8 

EFFECT OF DIFFERENT INITIAL CONCENTRATIONS 

OF PERSULPHATE, OF THIOGLYCOLIC ACID AND 

FERRIC ION 

0 Exp. 35 

x " 36 

" 39 

• " 40 
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0.10 
(Exp. 44) 

Time [TSH] 
(min.) Mf1 

x 103 

4.0 4.28 

8.5 3.93 
15.0 3.68 
24.0 3.22 
35.5 2.84 
46.0 2.61 
60.0 2.24 
78.0 1.95 

102.0 1.66 
123.0 1.53 

1 -1 
k1 (min. ) 0.0212 

-1 -1 
~(1.M. min. ) 529 

TABLE XV 

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID WITH DIFFERENT 

CONCENTRATIONS OF POTASSIUM SULPHATE 

Initial Conc. Potassium Persulphate 0.00160 M/1 

Initial Conc. Thioglycolic Acid 0.00450 M/1 

Initial Conc. Ferric Ion 4.0 x lo-5 M/1 

Conc. Potassium Sulphate - M/1 
0.05 0.02 0.01 0.004 

(Exp. 45) (Exp. 46) (Exp. 47) (Exp. 48) 

Time 
(min.) 

3.5 

7.0 
15.5 
24.5 
36.5 
49.5 
62.5 
78.5 

[ TSH] 
M/1 

x 103 

4.20 

3.89 
3.22 
2.82 
2.34 
2.04 
1.81 
1.61 

0.0297 

742 

Time 
(min.) 

3.5 
7.0 

10.0 
14.0 
21.5 
29.5 
40.5 
52.0 

[TSH] 
M/1 

x 103 

3.95 
3.54 
3.18 
2.87 
2.38 
2.10 
1.84 
1.61 

0.0488 

1220 

Time (TSH] 
(min.) M/1 

x 103 

3.5 3.88 
5.5 3.44 
8.0 3.11 

10.5 2.82 
15.5 2.44 
21.0 2.14 
27.0 1.85 
36.5 1.67 

---- ---- --- -

0.0656 

1640 

--

Time (TSH] 
(min.) M/1 

x 103 

3.5 3.62 

6.0 3.11 
8.0 2.73 

12.0 2.34 
15.0 2.12 
21.0 1.85 
27.0 1.71 
34.5 1.64 

--- -- ---- -

0.0908 

2270 

o.ooo 
(Exp 0 49) 

Time (TSH] 
(min.) M/1 

x 103 

3.0 3.48 
5.0 2.82 
7.0 2.48 

10.5 2.10 
14.0 1.95 
20.5 1.74 
27.5 1.64 

0.1375 

3440 

(J) 
....J 



- 68 -

TABLE XVI 

VARIATION OF THE SECOND ORDER RATE CONSTANT, k1, 

WITH IONIC STRENGTH 

Exp. No. Initial Ionie ' kl 
[Fe+++] Strength ( 1 M -1 . -1) 

M/1 ( fL ) 
. . m~n. 

x 105 

35 10.0 0.269 492 

39 2.0 0.075 1240 

41 0.8 0.075 1370 

44 4.0 0.269 529 

45 4.0 0.139 742 

46 4.0 0.061 1220 

47 4.0 0.033 1640 

48 4.0 0.017 2270 

49 4.0 0.005 3440 
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FIGURE 9 

VARIATION OF THE SECO~ID ORDER RATE CONSTANT, 

k1, WITH THE IONIC STRENGTH 

--0-- See ref.(32), (33) 
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and would not be expected to change very much with thioglycolic 

acid concentration. However, substantially the same observa-

tions were made when low concentrations of sulphuric acid 

were added to control the pH of the reaction mixture (Table 

XVII). Again, change of thioglycolic acid concentration had 

no significant effect upon the initial rate, while the rate 

of reaction decreased more rapidly with time as the initial 

concentration of the mercaptan was decreased in the presence 

of excess persulphate. 

Variation of initial persulphate concentration had no 

effect upon the slope of semi-logarithmic plots of persulphate 

concentration against time. On the other hand, the reaction 

rate was shown to be directly proportional to the concentration 

of dissolved iron (Tables XVIII and XIX). In Figure 10, the 
t 

linear plot of the pseudo first order rate constant, k1 , 

against the total concentration of iron in the system is 

seen to extrapolate to the origin, thus confirming resulta 

or earlier experimenta that direct reaction of persulphate 

with thioglycolic acid in the absence of iron had a negligible 

rate relative to the rates observed in the presence of iron. 

Comparison of resulta in Tables XVII, XVIII and XIX 

with those in Figure 9 (Table XX) indicated that addition 

of sulphuric acid in small quantities did not alter signifi­

cantly the observation that values of k{/[Fe] = k1 were 50% 

of those described by Williams et al. (32, 33). 
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TABLE XVII 

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID WITH DIFFERENT 

INITIAL CONCENTRATIONS OF THIOGLYCOLIC ACID 

IN DILUTE SULPHURIC ACID 

Conc. Potassium Sulphate 0.010 M/1 

Conc. Sulphuric Acid 0.0057 M/1 

Ionie Strength 0.038 

Initial Conc. Ferric Ion 4.0 x lo-5 M/1 

Initial Conc. Potassium Persulphate 0.00319 M/1 

Initial Conc. Thioglycolic Acid - M/1 
0.00972 0.00486 0.00194 

(Exp. 50) (Exp. 51) (Exp. 52) 

Time [TSH] Time (TSH] Time (TSH] 
(min.) M/1 (min.) M/1 (min.) M/1 

x 103 x 103 x 103 
2.75 9.07 3.25 4.15 2.75 1.37 
5.50 8.22 6.25 3.36 5.00 0.86 
8.50 7.46 10.00 2.52 7.25 0.52 

12.25 6.82 15.00 1.82 10.00 0.22 
19.00 5.85 20.50 1.26 
24.25 5.30 28.25 0.68 
34.00 4.64 

50.25 4.07 
66.75 3.72 

k{(min.-1) 0.066 0.066 0.066 

-1 -1 
k 1 (l.M. min. ) 1650 1650 1650 
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TABLE XVIII 

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID WITH DIFFERENT 

INITIAL CONCENTRATIONS OF POTASSIUM PERSULPHATE 

IN DILUTE SULPHURIC ACID 

Conc. Potassium Sulphate 0.10 M/1 

Conc. Sulphuric Acid 0.0095 M/1 

Ionie Strength 0.272 

Initial Conc. Ferric Ion 2.0 x lo-5 M/1 

Initial Conc. Thioglycolic Acid 0.00940 M/1 

Initial Conc. Potassium Persul_I>_hate - M/1 

0.00800 0.00400 0.00240 0.00160 
(Exp. 53) (Exp. 54) (Exp. 55) (Exp. 56) 

Time (TSH] Time [TSH] Time [TSH] Ti me [TSH] 
(min.) M/1 (min.) M/1 (min.) M/1 (min.) M/1 

x 103 x 103 x 103 x 103 

3.75 9.06 2.75 9.29 5.0 9.34 7.0 9.32 

8.50 8.55 8.50 8.85 18.0 8.75 14.0 9 . 23 

14.50 7.69 23.75 8.00 42.0 7.97 39.0 8.65 

23.25 6.76 36.50 7.25 64.5 7.55 67.0 8.09 

30.25 5.90 51.00 6.66 96.0 6.88 92.0 7.83 

42.00 4.71 70.00 5.98 125.0 6.43 126.0 7.42 

54.75 3.72 91.00 5.30 165.0 5.95 160.0 7.10 
67.50 2.67 120.00 4.50 
80.25 1.96 151.00 3.88 
92.75 1.36 

k{(min.-1) .00782 .00794 .00782 .00794 

k1(l.M71min.-1 ) 391 397 391 397 
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TABLE XIX 

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID WITH DIFFERENT 

INITIAL CONCENTRATIONS OF FERRIC ION 

IN DILUTE SULPHURIC ACID 

Conc. Potassium Sulphate 0.10 M/1 

Conc. Sulphuric Acid 0.0095 M/1 

Ionie Strength 0.272 

Initial Conc. Potassium Persulphate 0.00400 M/1 

Initial Conc. Thioglycolic Acid 0.00935 M/1 

o.a x lo-5 
(Exp. 57) 

Time [TSH] 
(min.) M/1 

x 103 

5.0 9.16 
11.0 9.11 
20.5 8.65 
42.6 8.23 
75.0 7.57 

143.5 6.22 

203.5 5.33 
272.5 4.52 
310.0 4.17 

k{(min.-1) .00329 

-1 -1 
kl(l.M. min. ) 410 

Initial Conc. Ferric Ion - M/1 

4.o x lo-5 10.0 x lo-5 
(Exp. 58) (Exp. 59) 

Time l TSH] Time (TSH] 
(min.) M/1 (min.) M/1 

x 103 x 103 

6.0 8.44 2.5 8.48 
12.0 7.78 5.0 7.62 
24.0 6.63 8.5 6.91 
33.0 6.03 13.0 6.04 
44.0 5.21 18.0 5.23 
55.0 4.72 23.0 4.50 

76.5 3.68 30.0 3.89 

111.0 2.88 36.5 3.30 
137.5 2.19 44.0 2.94 

56.5 2.45 

.01640 .0398 

410 398 
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FIGURE 10 

EFFECT OF DIFFERENT INITIAL CONCENTRATIONS OF FERRIC ION 

ON k{, THE PSEUDO FIRST OROER RATE CONSTANT 

Initial Conc. S2o8= 0.00400 M/1 

Initial Conc. TSH 0.00935 M/1 

Ionie Strength 0.272 
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TABLE XX 

VARIATION OF THE SECOND ORDER RATE CONSTANT, k1, WITH 

IONIC STRENGTH IN DILUTE SULPHURIC ACID 

Exp.No. Initial [ H2S04 ] Ionie kl kl * 
[Fe+++] M/1 Stren~th (l.M:~in:1 ) (l.M:1min:1 ) 

(fL 
x 105 

50-52 4.0 0.0057 0.038 1650 1740 

53-56 2.0 0.0095 0.272 394 448 

57 0.8 0.0095 0.272 410 448 

58 4.0 0.0095 0.272 410 448 

59 10.0 0. 0.095 0.272 398 448 

* See Figure 9. 
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However, when the concentration of sulphuric acid in 

the reaction mixture was increased to 0.10 M,the reaction 

rate was decreased to a greater extent than could be explained 

in terms of a change in ionie strength (Tables XXI and XXII). 

Also, the semi-logarithmic plots of persulphate concentration 
1 against time were no longer linear,and the values of k1 and 

k1 increased with increasing initial concentration of 

thioglycolic acid and decreased with increasing initial 

persulphate concentration. In Figures 11 .and 12 the logarithms 

of the initial reaction rates are plotted against the initial 

concentration of one of the reactants when the initial 

concentration of the other reactant was kept constant. From 

these plots it may be concluded that the reaction was 0.50 

order in respect of initial persulphate concentration and 

0.44 order in respect of initial mercaptan concentration. 

For the experimenta in which the initial persulphate 

concentration was varied the iron was initially in the ferric 

state, and it was observed that the reaction was preceded by 

a short induction period. In the other experimenta in which 

the initial mercaptan concentration was varied, the iron was 

initially in the ferrous state, and there was no induction 

period. In the former case, the rate of reaction, after this 

induction effect had disappeared, was taken as the initial 
1 

rate, and similarly the pseudo first order rate constants, k1 , 

were determined for the raster reaction which followed the 

induction period. 
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TABLE XXI 

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID WITH DIFFERENT 

INITIAL CONCENTRATIONS OF THIOGLYCOLIC ACID 

IN 0.10 M SULPHURIC ACID 

Ionie Strength 0.155 

Initial Conc. Ferrous Ion 2.0 x lo-5 M/1 

Initial Conc. Potassium Persu1phate 0.00400 M/1 

Initial Conc. Thioglyco1ic Acid - M/1 

(Exp. 64) (Exp. 65) 

Time [TSH] Time [TSH] 
(min.) M/1 (min.) M/1 

x 103 x 103 

4.0 14.65 6.0 9.59 

12.0 14.05 14.0 9.12 

26.5 13.03 28.0 8.23 

44.5 11.88 47.0 7.20 

65.0 10.80 68.0 6.24 

99.0 9.50 101.5 5.03 
122.0 8 . 71 135.5 4.15 

160.0 8.22 163.5 3.69 

Initial 
_ d[S2o8=] _5 dt 3.80 xlO 3.15 x 10-5 

(M.1.-1min.-l) -----------------------
k{(min.-1) 0.01060 

-1 -1 
k 1 (l.M. min. ) 503 

.00920 

460 

(Exp. 66) (Exp. 67) 

Time (TSH] Time (TSH] 
(min.) M/1 (min.) M/1 

x 103 x 103 

3.5 5.00 3.0 2.09 

10.5 4.59 7.5 2.01 

23.5 4.00 18.5 1.59 

41.5 3.37 33.0 1.19 

67.5 2.33 45.5 0.96 

86.0 1.88 59.5 0.83 
101.0 1.57 74.0 0.63 

115.5 1.30 

2.43 x lo-5 1.65 x 1o-5 

.00630 .00414 

315 207 
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TABLE XXII 

RATE OF DISAPPEARANCE OF THIOGLYCOLIC ACID WITH DIFFERENT 

INITIAL CONCENTRATIONS OF POTASSIUM PERSULPHATE 

IN 0.10 M SULPHURIC ACID 

Ionie Strength 0.155 

Initial Conc. Ferric Ion 2.0 x lo-5 M/1 

Initial Conc. Thioglycolic Acid 0.00490 M/1 

Initial Conc. Potassium 

0.00800 
(Exp. 60) 

·-
Time [TSH] 

(min.) M/1 
x 103 

3.5 4.80 

7.0 4.59 

17.0 4.00 

29.5 3.28 

41.5 2.63 

53.5 2.12 

70.0 1.54 

82.0 1.27 

Initial 
_ d[ s2o8=J -s 

dt 2.75 xlO 

( -1 -1) M .1. min. 

0.00400 
(Exp. 61) 

Time [TSH] 
(min.) M/1 

x 103 

3.5 4.77 

8.5 4.57 
18.0 4.22 

30.5 3.69 

48.0 2.99 

74.5 2.13 

103 .. 0 1.53 

121.0 1.23 

2.oo x lo-5 

Persulphate - Mil 

0.00240 
(Exp. 62) 

Time lTSH] 
(min.) M/1 

x 103 

5.0 4.67 

12.0 4.52 
23.0 4.19 

42.5 3.64 

71.0 2.85 

99.5 2.24 

124.5 1.84 

162.0 1.41 

1.54 x 10-5 

0.00160 
(Exp. 63) 

Time LTSH] 
(min.) M/1 

x 103 

7.0 4.63 

14.0 4.52 
25.5 4.32 

44.5 3.88 

73.0 3.34 

102.0 2.89 

127.5 2.58 

133.0 2.56 

165.0 2.27 

1.24 x 10-5 

-----------------------------------------------------------' -1 
k1 (min. ) .00410 .00580 .00713 .00817 

- -1 -1 
k1 ( l.M. nün. ) 205 290 357 409 
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FIGURES 11, 12 

Figure 11 

EFFECT OF DIFFERENT INITIAL CONCENTRATIONS OF 

THIOGLYCOLIC ACID ON THE INITIAL RATE OF DISAPPEARANCE 

OF PERSULPIMTE IN 0.10 M SULPHURIC ACID 

Initial Conc. S2o8= 0.00400 M/1 

Figure 12 

EFFECT OF DIFFERENT INITIAL CONCENTRATIONS OF 

PERSULPHATE ON THE INITIAL RATE OF DISAPPEARANCE 

OF PERSULPHATE IN 0.10 M SULPHURIC ACID 

Initial Conc. TSH 0.00490 M/1 
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Thus, it appeared that, with the higher concentration 

of acid present, the reaction of ferric ion with thioglycolic 

no longer proceeded at a rate that far exceeded that of the 

reaction between persulphate and ferrous ion. 

Th1E conclusion prompted an investigation of the reaction 

of ferric ion with thioglycolic acid in acidic solution. 

Earlier investigations of this system (103, 105, 107) suggested 

that the rate of this reaction was markedly catalyzed by hydrogen 

ion and was almost instantaneous in strongly acid solution, 

although practically no rate measurements had been made at 

pH values lesa than 4. However, the present study showed 

that the rate could be measured in 0.0142 M sulphuric acid 

provided the initial concentrations of ferric ion and of 

thioglycolic acid were low. 

The reaction was followed by periodically adding 10 ml. 

aliquots of the reaction mixture (ferric ion solution and 

thioglycolic acid solution) to 2 ml. of 2 M hydrochloric acid 

and 5 ml. or 2 M potassium thiocyanate solutions in 25 ml. 

volumetrie rlasks and diluting to the mark with water. The 

concentration of ferric ion was then estimated from the optical 

density of the red ferric ion - thiocyanate complex. For this 

purpose a calibration curve to relate optical density to 

concentration of ferric ion had first to be established. A 

standard solution of ferric ion was obtained by adding aliquots 

of standard persulphate solution to an excess of ferrous ion. 
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Various amounts of this solution were then added to the 

hydrochloric acid and thiocyanate solutions for estimation of 

the optical densities. Preparation of the standard ferric 

ion solutions by addition of standard permanganate or standard 

ceric ion solutions to excess ferrous ion yielded identical 

resulta. 

The results obtained for the rate of the ferric ion -

thioglycolic acid reaction are shown in Table XXIII and 

Figure 13. The reaction velocity was observed to decrease 

with time much more rapidly than for a second order process, 

and the measurement of initial rates was difficult. However, 

the values obtained indicated that the initial rate was given 

by the following expression. 

- d[ferric] = k 111 (ferric] 2[TSH] 2 
dt 4 

where [ferric] represents the total concentration of ferric 

ion in the system, in contrast to [Fe+++] which represents the 

concentration of free or uncomplexed ferric ion. Integration 

of the fourth order rate expression yielded the following 

relation, 

k t _ 2.3 { 1 b (a -2x) b-a [ 1 1 1 1 ~ 
4 - (b-a)2 og10 a(b-2x) + ~ a-2x- a + b-2x- b]j 

where a represent s the initial concentration of ferric ion 

and b represents t he initial concentration of mercaptan. 



TABLE XXIII 

RATE OF REACTION OF FERRIC ION WITH THIOGLYCOLIC ACID WITH DIFFERENT INITIAL 

CONCENTRATIONS OF FERRIC ION AND THIOGLYCOLIG ACID 

Conc. Su1phuric Acid -

0.0:30 0.030 0.030 0.020 0.010 

Gonc. Thiog1yco1ic Acid - M/1 

5.oo x 1o-5 8.32 x 1o-5 5.oo x 1o-5 5.oo x 1o-5 5.oo x 1o-5 
(Exp. 68) (Exp. 69) (Exp. 70) (Exp. 71) (Exp. 72) 

Time [Fe+l·f"] ~4 2 Time [Fe-H+] k4," • [ Ill [ Ill [ Il! TJ.me Fe++-+j k4 Time Fe*+] k4 Time Fe+*] k4 
(min.) M/1 (1.M{ (min.) M/1 ( 1~M:2 (min.) M/1 ( 1~M:2 (min.) M/1 ( 1~M:~(min.) M/1 ( 1~M:2 

x 105 min~ ~b x 105 min:1) x 105 min:1) x 105 min:1) x 105 min:1) 
x 10- x 10-10 x 1o-1o x 1~JD x 1o-10 

0.00 11.20 0.00 11.20 o.oo 5.50 0.00 11.20 0.00 11.20 

3.75 9.81 6.61 2.75 9.64 9.45 3.25 5.23 3.25 9.45 15.1 2.25 7.83 107 .0 

10.00 9.26 6.40 7.50 8.61 5.74 9.25 4.97 8.75 8.51 14.2 7.00 7.23 70.:3 

22.75 8.44 6.23 16.00 7.70 5.07 19.75 4.57 16.25 7.81 15.3 13.50 6.78 76.3 

:38.50 8.06 5.40 27.00 6.94 5.41 43.00 3.98 4.65 31.25 7.21 16.3 23.75 6.74 45.3 

63.50 7.52 6.14 55.00 6.31 4.32 62.25 3.85 6.40 51.75 7.07 12.1 45.00 6.60 34.4 

77.75 7.36 6.23 75.00 5.80 4.93 85.00 3.45 9.41 78.25 6.92 10.3 
-- - - ---- ----------------- -------

()) 
ro 
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FIGURE 13 

EFFECT OF DIFFERENT INITIAL CONCENTRATIONS OF 

FERRIC ION, OF THIOGLYCOLIC ACID AND OF ~~LPHURIC ACID ON 

THE RATE OF REACTION OF FERRIC ION WITH THIOGLYCOLIC ACID 
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"' The values of k 4 ·calculated from this expression were not 

constant and, except in one case, decreased with time. 

However, unless initial conditions are known with excellent 
!If 

precision, the calculated values of k4 would not be very 

reliable and would probably show a drift. The concentration 

of sulphuric acid had a marked effect upon the rate constant, 

the reaction velocity decreasing with increase in sulphuric 

acid concentration. 

By working in 0.10 M sulphuric acid, the reaction was 

slowed down sufficiently to enable a large excess of thio­

glycolic acid over ferric ion to be used, so that the 

concentration of the former might be taken to be constant 

during the reaction. Complexes of ferric ions with sulphate 

ions absorb light quite strongly at 305 m~ and the association 

constants indicate that practically lOO% of the ferric ion 

should be complexed in this way in 0.10 M sulphuric acid (119), 

i.e. 

After preparing a reaction mixture, a sample was placed in a 

Beckmann DK spectrophotometer and a record of optical density 

with time was taken at 305 m~. Experimenta were made to study 

the effect of initial concentrations of both reactants, ferric 

ion and thioglycolic acid, upon the reaction rate. The 

resulta, shown in Tables XXIV, XXV and XXVI and in Figure 14, 

suggest a rate of decrease of optical density, D, given by 



TABLE XXIV 

RATE OF DECRFASE OF OPTICAL DENSITY AT 305 ~ WITH DIFFERENT 

INITIAL CONCENTRATIONS OF FERRIC ION AND OF THIOGLYCOLIC ACID 

0.00488 
(Exp. 73) 

Time Optical 
(min.) Density 

D305 

o.oo 0.288 

1.25 0.273 

3.25 0.233 

7.25 0.175 

10.25 0.147 
14.25 0.118 

17.25 0.100 

-1 -1) k(M.l. min. 0.367 

"' 2 -2 -1 -6 k4 ( l.M. min. x 10 ) 39.9 

Extinction Coefficient at 305 m~2600 l.M.-1 

Conc. Sulphuric Acid 0.10 M/1 

Initial Conc. Thioglycolic Acid - M/1 

0.00488 0.00488 0.01220 
(Exp. 74) (Exp. 75) (Exp. 76) 

Time Optical Time Optical Time Optical 
(min.) Density (min.) Density (min.) Density 

D305 D3o5 D3o5 

o.oo 0.575 o.oo 0.863 0.00 0.863 

1.50 0.497 1.25 0.709 1.50 0.319 

2.50 0.437 2.25 0.591 2.50 0.215 

5.00 0.330 3.75 0.469 4.00 0.145 

6.50 0.290 6.75 0.323 6.00 0.102 
10.50 0.216 9.75 0.242 8.00 0.080 

15.00 0.165 14.25 0.171 10.00 0.065 

20.00 0.128 18.00 0.135 12.00 0.055 

0.305 0.298 1.429 

33.2 32.0 25.0 

0.00488 
(Exp. 77) 

Time 
(min.) 

0.00 

1.25 

2.00 

3.25 

5.25 
7.25 

10.25 

13.25 

17.00 

Optical 
Density 

D305 

1.150 

0.900 

0.760 

0.610 

0.460 
0.370 

0.281 

0.225 

0.180 

0.271 

29.5 

CD 
en 



0.00488 
(Exp. 78) 

Time Optical 
(min.) Densi ty 

D:3'05 

1.50 1.035 
2.00 0.909 

2.50 0.811 

3.50 0.678 

5.00 0.540 

8.00 0.:586 

10.00 0.325 
12.00 0.289 

.. 
k(M.l~·min~·) 0.24:3 

k " '(12M-2 i -1 26 4 
4 • . m n. • 

x lo-6 ) 

TABLE XXV 

RATE OF DECRFASE OF OPTICAL DENSITY AT 305 ~ WITH DIFFERENT 

INITIAL CONCE~œRATIONS OF THIOGLYCOLIC ACID 

EXtinction Coefficient at 305 m# 2600 l.M.-1 

Conc. Sulphuric Acid 0.10 M/1 

Initial Conc. Ferric Ion 5.55 x lo-5 M/1 

- --- - ---- - --- :trd.t ial Conc. Thioglycolic -Ac-fd-..::-rv171 

0.00488 
(Exp 0 79) 

Time Optical 
(min.) Den si ty 

1.50 
2.00 

3.00 

5.00 

8.00 

12.00 

17.00 

D305 

1.050 
0.929 

0.760 

0.570 

0.420 

0.305 

0.215 

0.232 

25.1 

0.00732 
(Exp. 80) 

Time Optical 
(min.) Densi ty 

1.25 

1.75 

2.25 

3.25 

5.25 

9.25 

14.25 
18.00 

D3'05 

0.825 

0.674 

. 0.582 

0.440 

0.303 

0.186 

0.12:3 
0.100 

0.520 

25.2 

0.00976 
(Exp. 81) 

Time Optical 
(min.) Densi ty 

1.50 
2.00 

3.00 

5.00 

7.50 

10.00 

12.00 
14.00 

17.00 

D305 

0.523 

0.416 

0.296 

0.189 

0.129 

0_.097 

0.081 
0.70 

0.59 

0.960 

25.2 

0.01220 
(Exp. 82) 

Time Optical 
(min.) Den si ty 

1.50 

2.00 

3.00 

4.50 

6.00 

7.50 

9.50 
12.00 

D305 

0.402 

0.318 

0.228 

0.160 

0.126 

0.103 

0.084 
0.069 

1.205 

21.1 

0.02440 
(Exp. 83) 

Time Optical 
(min. ) Densi ty 

1.00 

1.50 

2.00 

2.50 

3.00 

3.50 

4.00 
5.00 

8.00 

D305 

0.176 
0.123 

0.092 

0.077 

0.062 

0.054 

0.049 
0.040 

0.029 

5.04 

21.8 

()) 
0') 



0.050 

0.00488 
(Exp. 84) 

Time Optical 
(min.) Density 

D305 
0.00 1.150 
1.00 0.313 
1.50 0.230 

2.00 0.185 
2.50 0.153 
4.00 0.102 
5.00 0.087 
6.00 0.074 
8.00 0.059 

( -1 -1) 2 k M.1. min. 2.2 

'" 2 -2 -1 k 4( 1. M. min. 242 

x 10-6 ) 

TABLE XXVI 

RATE OF DECREASE OF OPTICAL DENSITY WITH DIFFERENT 

CONCENTRATIONS OF SULPHURIC ACID 

Extinction Coefficient at 305 my 2600 l.M.-1 

Extinction Coefficient at 325 my 2000 l.M.-1 

Conc. Sulphuric Acid -

0.050 1 0.150 1 0.150 

Initial Conc. Thioglycolic Acid - M/1 

0.00488 0.01085 0.01090 
(Exp. 85) (Exp. 86} (Exp. 87) 

Time Optical Time Optical Time Optical 
{min.) Density {min.) Density {min.) Density 

D305 D305 D305 
0.00 1.150 0.0 0.190 o.o 0.190 
1.16 0.295 2.0 0.155 2.0 0.140 
2.16 0.170 4.0 0.130 4.0 0.120 

3.16 0.129 8.0 0.096 8.0 0.090 
4.00 0.105 12.0 0.078 12.0 0.072 
5.00 0.087 16.0 0.065 16.0 0.060 
6.00 0.075 20.0 0.054 20.0 0.049 
7.00 0.066 24.0 0.045 24.0 0.041 
8.00 0.060 28.0 0.035 

10.00 0.050 
- - '--~~-- --- -- --- -----

2.22 0.52 0.58 

242 10.5 12.2 

0.150 

0.00437 
(Exp. 88) 

Time Optical 
(min.) Density 

D305 
0.0 0.190 

. 2 .o 0.171 

4.0 0.160 

8.0 0.154 
12.0 0.150 
16.0 0.145 
20.0 0.140 
24.0 0.133 
28.0 0.127 

--· -

0.063 

8.25 

co. 
....;J 
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FIGURE 14 

EFFECT OF DIFFERENT INITIAL CONCENrRATIONS OF 

THIOGLYCOLIC ACID ON THE RATE OF REACTION OF FERRIC ION WITH 

THIOGLYCOLIC ACID 
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d(D) = k(D)2 
dt 

with rate constant, k, proportional to the square of the 

mercaptan concentration. Variation of the sulphuric acid 

concentration had a marked effect upon this rate constant 

(Table XXVII). It is suggested that the rate of disappearance 

of ferric ion is given by the following expression 

and that 

d[ferric] = k
4
"' lferric] 2 (TSH] 2 

dt 

€ k 

(TSH] 2 

where E representa the extinction coefficient of the ferric 

ion at 305 m~ under these conditions. 

A blue complex was observed to exist for brief periods 

in sorne of the above reaction mixtures, provided the con-

centrations of ferric ion and thioglycolic acid were 

sufficiently large. However, extrapolation of the measured 

optical densities at 305 m~ to zero time indicated that the 

optical density of ferric ions was not influenced in any way 

by thioglycolic acid, and hence that the complexes between 

ferric ion and thioglycolic acid were highly dissociated. 

Further.more, this blue complex was also observed when 

persulphate was added to mixtures of ferrous and thioglycolic 
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TABLE XXVII 

VARIATION OF k4', THE FOURTH ORDER RATE CONSTANT FOR 

THE FERRIC ION - THIOGLYCOLIC ACID REACTION, WITH 

THE CONCENTRATION OF SULPHURIC ACID 

Exp. Nos. [~304] k'" 4 (average) 

M/1 {1~M:2min71 ) 
x 1o-6 

84, 85 0.050 242 

73-83 0.100 27.6 

86-88 0.150 10.3 
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acid in 0.10 M sulphuric acid, provided the concentration of 

ferrous ion was greater than 5 x lo-3 M. 

The reaction of ferrous ion with persulphate was also 

investigated very briefly with the intention of comparing 

the measured values of the rate constant with those shown in 

Figure 9. The reaction was followed by measuring the optical 

density at :3:05 mfl- as a function of time in the same manner as 

that used for the ferric ion - thioglycolic acid reaction. 

The second order rate for the persulphate - ferrous ion 

reaction was determined from plots corresponding to the 

following equation (Figure 15), 

where D = 
Doo = 

Dm = 

a = 
b = 

the 

= 2a-b 2a 
2:3 k 1 t + log b 

measured optical density at time t 

the optical density when the reaction was complete 

the optical density the solution would bave if 

all the dissolved iron were ferric 

initial persulphate concentration 

initial ferrous ion concentration. 

The resulta are shown in Tables XXVIII and XXIX. To eliminate 

any effect of slight temperature fluctuations in the spectro-

photometer cell for which there was no temperature control, 

the reactions in 0.15 M sulphuric acid were followed by 

periodically removing aliquots from the reaction mixtures in 

the constant-temperature bath and examining these optically, 
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TABLE XXVIII 

RATE OF REACTION OF POTASSIUM PERSULPHATE WITH 

FERROUS ION 

Dm = 0.240 

Initial Conc. Potassium Persulphate 7.88 x lo-5 M/1 

Conc. Potassium Sulphate - M/1 

0.000 1 0.100 

Conc. Sulphuric Acid -Mil 
0.098 

(Exp. 89) 
0.0098 

(Exp. 90) 

Time 
(min.) 

1.25 

2.25 

4.25 

7.25 

-1 -1) k1(l.M. min. 

Optical 
Density 

0 305 

0.227 

0.290 

0.334 

0.344 

0.349 

782 

Time 
(min.) 

1.00 

1.50 

2.00 

3.00 

4.00 

5.00 

8.00 

11.00 

452 

Optical 
Density 

0 305 

0.166 

0.211 

0.250 

0.305 

0.3:72 

0.415 

0.430 

0.431 

0.438 

J 
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TABLE XXIX 

RATE OF REACTION OF POTASSIUM PERSULPHATE 

WITH FERROUS ION 

Conc. Sulphuric Acid 0.150 M/1 

Dm = 0.240 1 Dm = 0.480 Dm= 0.480 

Initial Conc. Potassium Persulphate - M/1 

4.o x lo-5 
(Exp. 91) 

Time Optical 
(min.) Densi ty 

D305 

1.25 0.027 

2.25 0.037 

3.25 0.048 

6.00 0.060 

8.00 0.072 

10.75 0.082 

15.00 0.100 

21.25 0.118 

34.00 

( -1 -1) k 1 1.M . min. 

0.138 

0.182 

575 

4.0 x lo-5 
(Exp. 92) 

Time Optica1 
(min.) Density 

D3o5 

1.25 0.046 

2.25 0.068 

3.25 0.082 

5.50 0.102 

6.50 0.117 

9.75 0.129 

21.75 0.160 

36.00 0.173 

0.182 

535 

8.0 x lo-5 

(Exp. 93) 

Time Optical 
(min.) Den si ty 

D3o5 

1.25 0.055 

2.25 0.098 

3.25 0.133; 

5.25 0.160 

6.25 0.186 

11.00 0.243 

17.50 0.280 

29.25 0.315 

33.50 0.326 

0.365 

571 
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FIGURE 15 

EFFECT OF DIFFERENT INITIAL CONCENTRATIONS OF PERSULPHATE 

AND OF FERROUS ION ON THE RATE OF REACTION OF 

PERSULPHATE WITH FERROUS ION 

0 Exp. 91 

0 

• 
n 

n 

92 

93 



. 
(!) 

0 _. 
+ ~\ 

0 

20 
Tl ME-MIN. 



- 95 -

rather than by placing a sample of the reaction mixture in 

the spectrophotometer and leaving it there for the duration 

of the experiment. 

In Table XXX the measured rate constants for the ferrous 

ion - persulphate reaction are compared with values of k1 

(Figure 9) for the iron catalyzed reaction of persulphate 

with thioglycolic acid under similar conditions, and the 

agreement appears to be very good. Hence, support is given 

to the assumption that in all the reaction mixtures of the 

latter type, except those in which the sulphuric acid 

concentration was 0.10 M, the rate controlling step was 

reaction of persulphate with ferrous ion. 

The results for the persulphate - mercaptan reactions in 

0.10 M sulphuric acid proved to be very thought provoking for 

the following resson. The rate of reaction of 5 x 10-3 M 

persulphate with 2 x lo-5 M ferrous ion is given by 

Rate = k [S 0 =][Fe++] 1 2 8 = -5 M 1-1 i -1 5.13 x 10 •. mn. 

and the rate of reaction of 5 x lo-3 M thioglycolic acid with 

2x lo-5 M ferric ion is 

Rate = k~ (TSH] 2 (Ferric] 2 = 2.00 x lo-7 M.l:lmin:l 

Since the latter rate under these conditions was calculated 

to be very much less than the former, the rates of the 

persulphate - thioglycolic acid reactions in 0.10 M sulphuric 

acid would have been expected to be in the neighbourhood of 
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TABLE XXX 

COMPARISON OF RATE CONSTANTS FOR THE FERROUS ION -

PERSULPHATE REACTION WITH THOSE INTERPOLATED FROM 

FIGURE 9 

k1 k i~ 
Exp. Nos. Ionie 1 

Strength (1.M:1min:1) (1.M:1min:1) 
(fL) 

90 .2'72 452 448 

89 .159 '782 '730 

91-93 .224 560 513 

~- See Figure 9. 
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lo-7 moles/liter/minute rather than lo-5 moles/liter/minute 

as ob served. 

In the light of this observation it seemed that more 

information pertaining to the catalyst cycle could be 

acquired if, besides measuring the progress of reaction, the 

concentration of ferrous ion or of ferric ion were determined 

as a function of time. For exemple, it could then be shown 

whether the stationary state concept could be applied to the 

ferrous and ferric ion concentrations in the persulphate -

mercaptan r ·eaction mixtures. 

The concentration of ferric ion could be determined, 

presumably without disturbing the progress of the reaction, 

from its absorption of ultraviolet light in the presence of 

sulphuric acid. By knowing the total concentration of dissolved 

iron, the concentration of ferrous ion could then be calculated. 

However, not only the ferric sulphate complexes but also 

thioglycolic acid, the disulphide and persulphate were all 

observed to sbsorb ultraviolet light. The extinction 

coefficient of each component was therefore determined as a 

function of wavelength over the wavelength range of 400 to 

210 m~, using a Beckmann DK recording spectrophotometer. All 

the solutions were in 0.15 M sulphuric acid and were adjusted 

to a temperature of 24.8°C in the thermostat prior to the 

spectrophotometric examination. Twelve concentrations each 

of persulphate, thioglycolic acid, and the disulphide, 
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and six concentrations of ferric ion were used. Beer's 

law was obeyed in all instances, as indicated by the 

resulta in Tables XXXI, XXXII, XXXIII and XXXIV. Two 

solutions of the disulphide were prepared by adding a known 

amount of ferric ion to a known amount of thioglycolic acid 

solution (?0), and both gave identical resulta. When 

solutions of ferrous ion in 0.15 M sulphuric acid were 

examined spectrophotometrically, the extinction coefficient 

was found to be negligible. In Figure 16, the logarithms 

of the extinction coefficients for the various components 

present in the persulphate - mercaptan reaction mixtures 

are plotted against the wavelength. 

Various mixtures of the above substances were also 

prepared and examined spectrophotometrically. The optical 

densities of the mixtures were observed to be equal to the 

sum of the optical densities of the individuel constituants 

(Table XXXV). In other words, the extinction coefficient of 

any one substance was not altered by the presence of the 

others. Hence, it may be inferred that no appreciable complex 

formation occurred between any of the components present in 

the reaction mixture. This observation in turn indicated that 

it should be possible to follow the progress of the iron 

catalyzed persulphate - thioglycolic acid reaction spectro­

photometrically. 

The rates of several reactions, for g iven initial conditions, 

were then measured by both iodimetric titration of aliquots 



[s2o8•] 

M/1 

0.0241 

0.0160 

0.0112 

0.00802 

0.00481 

0.00321 

0.00225 

0.00160 

0.000962 

0.000642 

0.000449 

0.000321 
-1 

E(1.M. ) 

TABLE XXXI 

VARIATION OF THE OPTICAL DENSITY OF A~UEOUS PERSULPHATE SOLUTIONS WITH THE 

CONCENTRATION OF POTASSIUM PERSULPHATE AND THE WAVELENGTH 

Conc. Su1phuric Acid 0.15 M/1 

Optica1 Density 

D300 D280 D260 D250 D240 D230 D225 D220 D215 

0.050 0.130 0.380 0.700 

0.040 0.095 0.260 0.470 

0.070 0.190 0.340 0.620 

0.051 0.130 0.230 0.440 

0.040 0.090 0.150 0.275 0.570 

0.030 0.175 0.365 

0.049 0.075 0.258 0.380 0.560 0.825 

0.190 0.275 0 .3.95 0.570 

0.068 0.123 0.175 0.250 0.355 

0.110 0.160 0.230 

0.092 0.100 0.179 

- - ------- - ·-
0.070 

-- -- -. 
'---- 0.~37 

1.6 5.3 15.7 28.5 55.5: 110 158 232 335 

D210 

0.850 

0.530 

0.340 

0.255 

0.200 

498 

(() 
(() 



TABLE XXXII 

VARIATION OF THE OPTICAL DENSITY OF A~UEOUS THIOGLYCOLIC ACID SOLUTIONS WITH THE 

CONCENTRATION OF THIOGLYCOLIC ACID AND THE WAVELENGTH 

(TSH) 
M/1 

0.0238 

0.0119 

0.00595 

0.0035'7 

0.00298 

0.002:3.8 

0.00179 

0.00119 

0.000951 

0.000'713 
0.0004'76 

0.000238 

-1 
€ ( 1 .M. ) 

D300 D280 D270 

0.040 0.100 0.210 

0.022 0.052 0.105 

0.026 0.500 

0.250 

1.0 3.6 8.1 

Conc. Su1phuric Acid 0.15 M/1 

Optica1 Density 

D260 D250 D245 D240 D235 

0.670 

0.330 

0.160 0.540 0.900 

0.100 0.329 0.520 0.'710 

0.420 0.5'75 

0.230 0.350 0.470 0.575 

0.055 0.1'70 0.255 0.340 0.418 

0.235 0.290 

0.225 

0.110 0.145 0.172 
0.120 

0.048 0.065; 
-~-

2'7 90 145 190 230 

D230 D225 D220 D210 

0.660 0.765 

0.480 0.554 0.'720 

0.330 0.388 0.495 

0.260 0.300 0.380 0.790 

0.200 0.230 0.290 0.585 
0.140 0.165 0.208 0.400 

0.080 0.100 0.124 0.196 
-- - -~~ 

266 309 394 560 

~ 
0 
0 
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TABLE XXXIII 

VARIATION OF THE OPTICAL DENSITY OF AgUEOUS 

DITHIODIGLYCOLIC ACID SOLUTIONS WITH THE CONCENTRATION 

OF DITHIODIGLYCOLIC ACID AND THE WAVELENGTH 

Conc. Sulphuric Acid 0.15 M/1 

(A) Dithiodiglycolic Acid Solution (Sample No. 1) 

[TSST] 
M/1 D290 

0.000645 0.024 

0.000430 0.022 
0.000215 0.010 
0.000086 

-1 
E(1.M. ) 40 

D280 

0.062 

0.046 
0.023 
0.008 

104 

Optica1 Density 

D270 D260 D250 D240 D220 

0.143 0.281 0.495 0.761 

0.098 0.190 0.323 0.472 0.737 
0.046 0.092 0.154 0.221 0.334 

0.016 0.031 0.054 0.071 0.116 

220 434 756 1082 1542 

(B) Dithiodig1ycolic Acid Solution (Samp1e No. 2) 

[ TSST] 
M/1 

0.00300 
0.00200 

0.00100 

0.00060 
0.00040 

0.00020 
-1 

E(1.M. ) 

D294 

0.125 
0.090 

0.055 

0.030 

35 

Optica1 Density 

D272 D270 D266 

0.648 0.718 1.010 
0.435 0.503' 0.646 

0.221 0.255 0.321 

0.141 0.163 0.200 
0.110 0.126 0.151 

0.075 0.089 

210 240 312 



[Fe+++] 
M/1 

x 104 

3.33 

2.64 

2.22 

1.55 

1.11 

0.45 
------- ------

-1 
€ (1.M. ) 

TABLE XXXIV 

VARIATION OF THE OPTICAL DENSITY OF FERRIC ION SOLUTIONS WITH THE 

CONCENTRATION OF FERRIC ION AND THE WAVELENGTH 

Conc. Su1phuric Acid 0.15 M/1 

Optica1 Density 

D380 D360 D340 D330 D320 D305 D280 0 272 0 256 D250 D246 

0.035 0.150 0.428 0.620 0.820 0.760 0.739 

0.120 0.335 0.485 0.650 0.778 0.618 0.595 0.865 

0.023 0.100 0.277 0.400 0.525 0.620 0.500 0.480 0.700 0.860 0.965 

0.700 0.195 0.280 0.370 0.438 0.350 0.340 0.488 0.590 0.660 

0.010 0.500 0.142 0.205 0.270 0.318 0.260 0.248 0.357 0.429 0.480 

0.050 0.200 0.054 0.080 0.125 0.125 0.102 0.105 0.140 0.170 0.192 
----'------~--- --~- --~- -------- - ----- --- -

D240 D220 

0.775 0.940 

0.560 0.660 

0.220 0.259 

100 450 1270 1840 2420 2780 2300 2210 3170 3850 4325 5000 5950 

1-' 
0 
ro 
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FIGURE 16 

VARIATION OF THE EXTINCTION COEFFICIENT, , OF A~UEOUS 

SOLUTIONS OF PERSULPHATE, OF THIOGLYCOLIC ACID, OF 

DITHIODIGLYCOLIC ACID AND OF FERRIC ION WITH THE 

WAVELENGTH 

Cene. H2S04 0.15 M/1 

TSST 
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TABLE XXXV 

OPTICAL DENSITY OF A~UEOUS SOLUTIONS OF THE COMPONENTS AND OF VARIOUS MIXTURES OF THE 

COMPONENTS PRESENT IN THE IRON CATALYZED PERSULPHATE - THIOGLYCOLIC ACID REACTION MIXTURES 

Conc. Sulphuric Acid 0.15 M/1 

(A) Pure Components 

Optical Density 
Composition of Solution D330 D310 D290 D270 D250 

8.02 x lo-4 Ms2o8= 0.005 0.026 

0.955 x l0-3 M TSH 0.005 0.088 

1.00 x lo-3 M TSH 0.005 0.075 
1.91 x 1o-3 M TSH 0.012 0.162 
1.00 x 10-4 M TSST 0.024 0.098 
4.oo x 1o-4 M Fe++ 0.010 
4.45 x 1o-5 M Fe+++ 0.069 0.110 0.102 0.087 0.157 
8.00 x 1o-5 M Fe+++ 0.134 0.199 0.185 0.160 0.276 

(B) Mixtures of Components 

8.02 x 10-4 M S2o8= and 1.91 x 10-3 M TSH 0.022 0.190 
8.02 x 1o-4 M s2o8= and 4.45 x 1o-5 M Fe+++ 0.069 0.113 0.109 0.098 0.185 
4.00 x 10-4 M Fe++ and 0.955 x 1o-3 M TSH 0.005 0.103 
1.00 x 10-4 M TSST and 1.00 x 10-3 M TSH 0.035 0.184 
1.00 x 1o-4 M TSST and 4.00 x 1o-4 M Fe++ 0.028 0.118 

-4 -5 +++ 
1.00 x 10 M TSST and 8.00 x 10 M Fe 0.134 0.199 0.209 0.185 0.386 

,_,_- - -- -- -· --- -- -· -- ,_ - '--- - -- -----

D230 D210 

0.089 0.367 

0.250 0.722 

0.240 0.783 

0.479 

0.189 0.331 
0.018 0.020 
0.235 0.230 
0.408 0.415 

0 .572' 

0.330 0.630 
0.272 0.754 
0.450 
0.219 0.364 

0.630 0.827 
-~--

L_ ________ ~.-

~ 
0 
~ 
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and by the spectrophotometric method. When the latter method 

was used, samples of the reaction mixture were periodically 

removed and the ultraviolet spectrum was recorded with the 

Beckmann DK spectrophotometer for wavelengths up to 400 m~. 

The time was noted at the commencement of each recording, and 

the chart speed was known. Under the conditions of these 

experimenta, only ferric ion absorbed in the wavelength range 

of 400 m~ to 320 ~ and its concentration could be readily 

determined. The optical densities at lower wavelengths were 

then corrected for the contribution by ferric ion, and, by 

using this corrected value, the concentrations of the remaining 

components in the reaction mixture at any time t were 

calculated in the following manner. 

Time 

Time 

The stoichiometric equation for the reaction was, 

s2o8= + 2TSH ~ TSST + 2HS04-

0 a b 0 0 

t a-x b-2x x 2x 

The optical density at any wavelength, after correction for 

the ferric ion absorption, is 

D = DTSH + Ds2o8s + DTSST 

= ETsH(b-2x) + Es2oa=(a-x) + ETSST(x) 

D - ETSH b - Eg2oa= a 
x = [TSST] = 

E TSST - 2ETSH - E 3208 = 

The two analytical techniques gave identical, reproducible 

resulta, as shown in Tables XXXVI and XXXVII and in Figure 17. 



Time 
(min.) 

2.75 

6.00 

9.50 

13.50 

17.75 

19.50 

TABLE XXXVI 

RATE OF DISAPPEARANCE OF PERSULPHATE MEASURED BOTH IODIMETRICALLY AND 

(Exp. 94) 
[TSH] 

M/1 
x 103 

10.20 

9.14 

8.49 

7.83 

7.09 

6.60 

SPECTROPHOTOMETRICALLY 

Initial Conc. Ferrous Ion 1.00 x lo-4 M/1 

Conc. Sulphuric Acid 0.15 M/1 

Initial Conc. Potassium Persulphate 0.00400 M/1 

Initial Conc. Thioglycolic Acid 0.01085 M/1 

Analvtical Method 

Iodimetric Spectrophotometric 
(Exp. 95) (Exp. 96) 

[s2o8=] Time [TSH] [s2o8-] Time Optical Optical [s2o8=] Optica1 (s2o8-] 
M/1 (min.) M/1 M/1 (min.) Density Density M/1 Density M/1 

x 103 x 103 x 103 D325 D272 x 103 D266 x 103 

3.67 2.00 10.34 3.74 4.00 0.090 0.302 3.49 0.418 3.51 

3.14 5.50 9.37 3.26 8.00 0.090 0.395 2.99 0.55:6 3.01 

2.82 9.00 8.59 2.87 12.00 0.090 0.4:67 2.60 0.665 2.61 

2.49 13.50 7.65 2.40 16.00 0.090 0.530 2.26 0.763 2.25 

2.12 18.00 6.96 2.05 20.00 0.090 0.590 1.94 0.842 1.96 

1.87 24.25 6.35 1.75 24.00 0.090 0.638 1.68 0.903 1.7:5'. 

29.25 5.73 1.44 
~- -- ------ -- ---- -- -- -----~-- - -

1-' 
0 
(J) 



Time 
(min.) 

2.25 

5.50 

9.00 

13.25 

18.00 

21.25 

25.50 

TABLE XXXVII 

RATE OF DISAPPEARANCE OF PERSULPHATE MEASURED BOTH IODIMETRICALLY AND 

SPECTROPHOTOMETRICALLY 

Iodimetric 

(Exp. 97) 

[TSH] 
M/1 

x 103 

10.85 

10.40 

9.77 

8.67 

7.88 

7.37 

6.89 

Initial Conc. Ferric Ion 1.00 x lo-4 M/1 

Conc. Sulphuric Acid 0.15 M/1 

Initial Conc. Potassium Persulphate 0.00400 M/1 

Initial Conc. Thioglycolic Acid 0.01085 M/1 

Analytical Method 

1 

Spectrophotometric 

(Exp. 98) 

[Szo8=] Time Optical Optical [s2o8=] 
M/1 (min.) Density Density M/1 

x 103 D325 D272 x 103 

4.00 2.00 0.160 

3.77 4.00 0.135 0.285 3.82 

3.56 8.00 0.110 0.333 3.43 

2.91 12.00 0.105 0.400 3.04 

2.51 16.00 0.105 0.468 2.68 

2.26 20.00 0.105 0.535 2.32 

2.02 24.00 0.105 0.590 2.02 

28.00 0.105 0.640 1.76 

32.00 0.105 0.688 1.50 

36.00 0.105 0.730 1.27 

Optical 
Density 

D266 

0.378 

0.460 

0.558 

0.664 

0.765 

0.856 

0.930 

1-' 
0 
~ 

( S208 =] 
M/1 

x 103 

3.83 

3.43 

3.05 

2.66 

2.29 

1.96 

1.68 
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FIGURE 17 

RATE OF DISAPPEARANCE OF PERSULPHATE MEASURED 

BOTH IODIMETRICALLY AND SPECTROPHOTOMETRICALLY 

0 Exp. 

• " 
D " 

• Il 

Initial Conc. S2.o8= 0.00400 M/1 

Initial Conc. TSH 0.01085 M/1 

Conc. ~so4 0.15 M/1 

95, [s2o8=J measured iodimetrically 

96, " Il spectrophotometrically 

97, " " iodimetrically 

98, Il " spectrophotometrically 
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For reactions which were followed spectrophotometrically, 

the disulphide concentrations were calculated using optical 

densities measured at two wavelengths (272 and 266 m~) and were 

found to be independent of the wavelength at which the optical 

density was measured. These resulta confirmed the belief 

that the net reaction involved the oxidation of two moles of 

thioglycolic acid by one mole of persulphate to form one mole 

of disulphide, and that reactions involving persulphate and 

the disulphide were unimportant during the earlier stages. 

Furthermore, these experiments showed that negligible con­

centrations of complexes (other than those between ferric ion 

and sulphate) were formed between any of the substances present 

in the reaction mixtures. 

In agreement with an earlier observation from experimenta 

made in 0.10 M sulphuric acid, when the dissolved iron was 

initially in the ferric state, the reaction was preceded by 

an induction period (Figure 17), and the reaction rate at 

zero time was given approximately by the expression 

k~' [ferricJ2[TSH]2. However, owing to the rather brief 

existence of the induction period, this initial rate could 

not be measured accurately. The rate of disappearance of the 

ferric ion (Figure 18) during the greater part of the induction 

period was not influenced by the presence of persulphate, but 

the rate of production of disulphide at any instant, except 

at zero time, was greater in the presence of persulphate than 

was predicted by the expression k~'[ferric]2[TSH]2. 
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FIGURE 18 

THE VARIATION OF OPriCAL DENSITY AT 325 mp. WITH TIME 

Initial Conc. TSH 0.01085 M/1 

Initial Conc. Fe+++ 10.0 x lo-4 M/1 

Conc. H2so4 0.15 M/1 

0 Exp. 98, Initial Conc. s2o8= 0.00400 M/1 

• " 86, " " " 0.00000 M/1 
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When the dissolved iron was initially in the ferrous 

state no induction period was observed. However, regardless 

of whether the iron was initially ferrous or ferric, it 

seemed apparent that after a few minutes the concentrations 

of ferrous and ferric ions achieved stationary state values 

which were independant of the initial oxidation state of the 

iron. 

The preceding experimenta showed that the spectrophoto­

metric method yielded reliable measurements of both reaction 

rate and change of ferric ion concentration with time. The 

relations between these quantities and the initial concentrations 

of persulphate and thioglycolic acid were therefore studied 

with the technique as outlined above. Unless otherwise stated, 

the reaction mixtures were 0.15 M in sulphuric acid and the 

dissolved iron was initially ferrous at a concentration of 

lo-4 M. 

The effect of initial persulphate concentration was 

investigated at two levels of thioglycolic acid (Tables XXXVIII 

and XXXIX). The first order rate constants for persulphate 

disappearance were observed to decrease with increase in the 

initial persulphate concentration. Using the initial rates 

of reaction (Table XL) the order of the reaction in respect 

of the persulphate concentration was calculated to be 

approximately 0.80. 

Plots of the optical densities of the reaction mixtures 

against time, for a wavelength of 325 ~' indicated that the 



TABLE XXXVIII 

OPTICAL DENSITY AT 325 m~ AND RATE OF DISAPPFARANCE OF PERSULPHATE WITH DIFFERENT 

INITIAL CONCENTRATIONS OF POTASSIUM PERSULPHATE 

0.00200 
(Exp. 99) 

Time Optical [s2o8=] 
(min. ) Den si ty M/l 

D325 x 103 

4.0 0.060 1.76 
8.0 0.065 1.50 

12.0 0.064 1.28 
16.0 0.060 1.11 
20.0 0.057 0.95 
24.0 0.054 0.82 
28.0 0.051 0.70 
32.0 0.048 0.61 
36.0 0.045 0.54 
40.0 0.043 0.48 

Initial Rate 7.1 
(M.l:lmin:l x 105) 

r -1 
k1 (min. ) 0.0368 

Initial Conc. Ferrous Ion 1.00 x lo-4 M/1 

Conc. Sulphuric Acid 0.15 M/1 

Initial Conc. Thioglycolic Acid 0.01095 M/1 

Initial Conc. Potassium Persulphate- M/1 

0.00400 0.00600 
(Exp. lOO) (Exp. 101) 

Time Optical [s2o8=] 
(min.) Density M/l 

Time Optical [s2o8=] 
(min.) Densi ty M/l 

D325 x 103 D325 x 103 

4.0 0.083 3.41 4.0 0.104 5.25 
8.0 0.090 2.99 8.0 0.105 4.65 

12.0 0.090 2.62 12.0 0.108 4.11 
16.0 0.090 2.28 16.0 0.112 3.62· 
20.0 0.090 1.98 20.0 0.116 3.24 
24.0 0.090 1.69 24.0 0.120 2.89 
28.0 0.090 1.45 28.0 0.125 2.57 
32.0 0.090 1.25 32.0 0.130 2.27 
36.0 0.090 1.08 36.0 0.135 2.05 
40.0 0.090 0.96 

15.5 20.0 

0.0359 0.0320 

0.00800 
(Exp. 102) 

Time Optical Cs2o8=] 
(min.) Densi ty M/l 

D325 x 103 

4.0 0.113 7.10 
6.0 0.117 6.69 

8.0 0.121 6.31 
10.0 0.123 5.90 
12.0 0.126 5.62 
14.0 0.129 5.33 
16.0 0.132 5.06 
18.0 0.1:35 4 .• 83 
20.0 0.138 4.63 

24.0 

0.0299 

1-' 
1-' 
t\) 



TABLE XXXIX 

OPTICAL DENSITY AT 325 mu AND RATE OF DISAPPEARANCE OF PERSULPHATE WITH DIFFERENT 

INITIAL CONCENTRATIONS OF POTASSIUM PERSULPHATE 

Initial Cane. Ferrous Ion 1.00 x lo-4 M/1 

Cane. Sulphurie Aeid 0.15 M/1 

Initial Cone. Thioglyeolie Aeid 0.00438 M/1 

Initial Cone. Potassium Persulphate - M/1 

0.00200 0.00400 0.00800 
{Exp. 103) {Exp. 104) (Exp~ 105) 

Time Optieal [s2o8=] Time Optieal [s2o8 =l Time Optieal [ s2o8 =] 
(min.) Density M/1 {min.) Density M/1 (min.) Density M/1 

D325 x 103 D325 x 103 D325 x 103 

4.0 0.085 1.71 4.0 0.111 3.52 4.0 0.149 7.30 
8.0 0.097 1.49 8.0 0.117 3.14 8.0 0.152 6.72 

12.0 0.098 1.30 12 .o 0.123 2.89 12 .o 0.161 6.35 

16.0 0.099 1.14 16.0 0.129 2.67 16.0 0.170 6.13 
20.0 0.100 1.01 20.0 0.135 2.50 20.0 0.175 5.98 
24.0 0.101 0.88 24.0 0.141 2.34 24.0 0.177 5.85 
28.0 0.101 0.77 28.0 0.146 2.22 28.0 0.180 5.76 
32.0 0.102 0.68 32.0 0.150 2.11 32.0 0.182 5.69 
36.0 0.103 0.60 36.0 0.155 2.04 36 .o 0.184 5.64 
40.0 0.104 0.55 40.0 0.160 1.99 40.0 0.186 5.61 

----- - -----~-~~ -- --- ---------

Initial Rite 
(M~: min: x 105 ) 7.0 12.7 20.0 

' -1 kl(min. ) 0.0347 0.0304 0.0253_ 

~ 
~ 
~ 
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TABLE XL ----
VARIATION OF THE INITIAL REACTION RATE, 

- d[S~~8=] , AND OF THE CALCULATED FIRST ORDER RATE 

CONSTANT, k{, WITH THE INITIAL CONCENTRATION OF 

POTASSIUM PERSULPHATE 

Exp. No. Initial Initial Initial Rate ki 
[ s2o8=1 [TSH] { -1 -1) {min:1 ) M .1. min. 

M/1 M/1 x 105 

x 103 x 103 

99 2.00 10.95 7.1 0.0368 

lOO 4.00 10.95 15.5 0.0359 

101 6.00 10.95 20.0 0.0320 

102 8.00 10.95 24.0 0.0299 

103 2.00 4.38 7.0 0.0347 

104 4.00 4.38 12.7 0.0304 

105 8.00 4.38 20.0 0.0253 
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stationary state concentration of ferric ion increased with 

increasing initial persulphate concentration (Figures 19 and 

20). 

When the initial mercaptan concentration in the reaction 

mixture was varied at constant initial persulphate concentration 

the first order rate constant for persulphate disappearance 

increased with increase in the initial concentration of 

thioglycolic acid (Tables XLI and XLII). The initial rates 

of reaction indicated that the reaction was = 0.10 order in 

thioglycolic acid concentration. In Figure 21, the optic~l 

densities of the reaction mixtures are plotted against the 

time, for a wavelength of 325 m~, to show that the stationary 

state concentration of ferric ion decreased with increasing 

initial mercaptan concentration. 

The resulta of all these experimenta seemed to indicate 

that the concept of the stationary state could be applied to 

the concentrations of ferrous and ferric ions in the reaction 

mixtures. However, several minutes seemed to berequired before 

this stationary state was established. The resson for this 

is not readily apparent since under similar experimental 

conditions, but in the absence of mercaptan, persulphate was 

observed to oxidize ferrous ion to ferric ion almost 

instantaneously. 

The rates of the reactions, after ferric ion concentration 

had reached a steady state, were estimated from slopes of 



TABLE XLI 

OPTICAL DENSITY AT 325 m~ AND RATE OF DISAPPEARANCE OF PERSULPHATE WITH DI FFERENT 

INITIAL CONCENTRATIONS OF THIOGLYCOLIC ACID 

0.00218 
(Exp. 106) 

Time Optical 
(min.) Density 

D325 

4.0 0.127 

8.0 0.138 

12.0 0.147 

16.0 0.151 
20.0 0.155 
24.0 0.160 
28.0 0.163 
32 .o 0.165-
36.0 0.165 
40.0 0.165 
Initial Rate 

Initial Conc. Ferrous Ion 1.00 x lo-4 M/1 

Conc. Sulphuric Acid 0.15 M/1 

Initial Conc. Potassium Persulphate 0.00400 M/1 

Initial Conc. Thioglycolic Acid - M/1 
0.00763 0.01530 

(Exp. 107) (Exp. 108) 

[s2o8=] Time Optical ls2oa=J Time Optical 
M/1 (min.) Density M/1 (min.) Density 

x 103 D325 x 103 D325 

3.55 4.0 0.098 3.49 4.0 0.072 

3.33 8.0 0.104 3.05 8.0 0.072 

3.16 12.0 0.107 2.68 12.0 0.071 

3.02 16.0 0.110 2.36 16.0 0.069 
2.93 20.0 0.113 2.08 20.0 0.067 
2.86 24.0 0.116 1.85 24.0 0.065 
2.81 28.0 0.120 1.65: 28.0 0.065 
2.77 32' .0 0.123 1.47 32.0 0.065 
2.73 36.0 0.126 1.31 36.0 0.065 
2.71 4:0.0 0.129 1.18 40.0 0.065 ------- -- - ~---- - ---- ---------

( -1 -1 M .1. min. x 105 ) 2.1 1:3'.0 

k{ (min :1) 0.0285 0.0331 

[ s2oa• J 
M/1 

x 103 

3.58 
3.12 

2.57 

2.17 
1.83 
1.62 
1.36 
1.19 
1.05 
0.93 
-- --

13.0 

0.0370 

1-' 
1-' 
en 
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TABLE XLII 

VARIATION OF THE INITIAL REACTION RATE, 

_ d[s2o8=J 
, AND OF THE CALCULATED FIRST ORDER RATE 

dt 

1 CONSTANT, k1, WITH THE INITIAL CONCENTRATION OF 

THIOGLYCOLIC ACID 

Initial Conc. Potassium Persulphate 0.00400 MLl 

Exp. No. Initial Initial Rate k' 
[ TSH] { 1-1 -1) 

1 
M. • min. (min:l) 

M/1 x 103 x 105 

106 2.18 12.1 0.0285 

107 7.63 13.0 0.0331 

108 15.30 13.0 0.0370 
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FIGURES 19, 20, 21 

EFFECT OF DIFFERENT INITIAL CONCENTRATIONS OF PERSULPHATE 

AND OF THIOGLYCOLIC ACID ON THE OPTICAL DENSITY AT 325 %! 

0 

[] 

Il 

• 

0 

0 

11 

0 

[] 

Il 

Exp. 

" 
Il 

If 

Initial Conc. Fe++ 10.0 x lo-4 M/1 

Conc. H2S04 0.15 M/1 

Figure 19 

Initial Conc. TSH 0.01095 M/1 

99 Initial Conc. s2o8= 0.00200 M/1 

lOO " Il " 0.00400 M/1 

101 If " n 0.00600 M/1 

102 " " " 0.00800 M/1 

Figure 20 

Initial Conc. TSH 0.00438 M/1 

Exp.l03 Initial Conc. s2o8= 0.00200 M/1 

" 104 " " n 0.00400 M/1 

Il 105 n n n 0.00800 M/1 

Figure 21 

Initial Conc. S2o8= 0.00400 M/1 

Exp.l06 Initial Conc. TSH 0.00218 M/1 

" 107 If " " 0.00763 M/1 

Il 108 " " Il 0.01530 M/1 
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tangents to the curves relating persulphate concentration 

to time (Table XLIII). Division of the reaction rate by the 

product of the persulphate and ferrous ion concentrations at 

the corresponding time yielded a value which was independent 

of the particular reaction mixture. Also, this constant was 

in good agreement with the rate constant measured previously 

(Table XXX) for the reaction of ferrous ion with persulphate. 

However, division of the reaction rate by the product of the 

square of the thioglycolic acid concentration and the square 

of the ferric ion concentration yielded a valu~which for 

different initial mercaptan concentrations, varied from one 

reaction mixture to another, and which was considerably 

greater than the rate constant for the reduction of ferric 

ion by thioglycolic acid for similar experimental conditions 

in the absence of persulphate. 

These results suggest that persulphate reacted only 

with ferrous ion in the presence of thioglycolic acid, and 

that the rate of the reaction was not altered by the presence 

of the mercaptan. However, the reduction of ferric ion by 

thioglycolic acid appeared to be markedly accelerated by the 

presence of persulphate. 

EXperimenta were also made in which the concentration 

of iron in the reaction mixture was varied under otherwise 

constant conditions, and the initial rate of reaction was 

observed to be directly proportional to the concentration of 
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TABLE XLIII 

VALUES OF TfiE RATE CONSTANTS k1 AND k~' 

CALCULATED FROM THE MEASURED REACTION RATES 

Exp. [s2o8=] [TSH] Optica1 Reaction Rate k1 k4' 
No. M/1 M/1 Density (M.171min71 ) (l.M:l (1~~ 

x 103 x 103 D325 x 105 rnin:1 ) min:1 ) 
x lo-9 

99 1.00 8.90 0.058 4.0 576 1.09 

lOO 3.00 8.90 0.090 10.5 665 1.19 

101 5.00 8.90 0.105 15.5 692 1.29 

102 7.00 8.90 0.115 18.0 650 1.25 

104 3.00 2.36 0.120 6.5 590 6.00 

107 3.00 5.63 0.105 10.0 745 2.08 

108 3.00 13.3:0 0.073 11.8 638 0.91 

Average k 1 651 

k 1 in the absence of thioglycolic a cid 
(Table XXX) 560 

k~' in the absence of persulphate 
(Table XXVII) 1.03 x 107 
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iron present (Table XLIV and Figure 22). 

It was also shown experimentally (Table XLV) that 

variation of either the initial persulphate concentration 

or the initial thioglycolic acid concentration in no way 

altered the induction period or the attainment of a steady 

state that were previously observed when the iron was 

initially in the ferric state. 

It became apparent after studying these results that 

a better understanding of the reduction of ferric ion by 

thioglycolic acid in the absence of persulphate should be 

acquired. It will be recalled that the rate of the reaction 

was markedly retarded by sulphuric acid. This could have 

been due to inhibition by hydrogen ions or to decreased 

reactivity of ferric ions by their complex formation with 

sulphate ions, or perhaps to both causes. However, the 

resulta cannot be assessed quantitatively because the ionie 

strength was not controlled in these experimenta. 

To simplify the system, the rate of the ferric ion -

thioglycolic acid reaction was studied in the presence of 

perchloric rather than sulphuric acid, and the ionie strength 

was adjusted to unity with standard sodium perchlorate 

solution, the concentration of which was determined from 

density measurements (120). The thioglycolic acid concentra­

tion was in sufficient excess that it could be considered 

independant of time. The progress of the reaction was followed 
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TABLE XLIV • 

OPTICAL DENSITY AT 325 m~ AND RATE OF DISAPPEARANCE 

OF PERSULPHATE WITH DIFFERENT INITIAL CONCENTRATIONS OF 

F'ERROUS ION 

Conc. Sulphuric Acid 0.15 M/1 

Initial Conc. Potassium Persulphate 0.00400 M/1 

Initial Conc. Thioglycolic Acid 0.01095 M/1 

Initial Conc. Ferrous Ion- M/1 

o.5o x lo-4 1.50 x lo-4 
(Exp. 109) (Exp. 110) 

Time Optical [s2o8=] Time Op ti cal 
(min. ) Densi ty M/1 

D325 x 103 
(min.) Density 

D325 

4.0 0.050 3.82 4.0 0.130 

8.0 0.050 3.56 8.0 0.130 

12.0 0.050 3.33 12.0 0.130 

16.0 0.050 3.13 16.0 0.130 

20.0 0.050 2.95 20.0 0.130 

24.0 0.050 2.78 24.0 0.130 

28.0 0.050 2.60 28.0 0.130 

32.0 0.050 2.43 32.0 0.130 

36.0 0.050 2.25 36.0 0.130 

40.0 0.050 2.05 

Initial Rate 
-1 -1 5 

(M.l. min. x 10 ) 7.5 

(s2o8=l 
M/1 

x 103 

3.13 

2.46 

1.95 

1.60 

1.29 

1.03 

0.79 

0.65 

0.56 

22.0 
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TABLE XLV 

OPTICAL DENSITY AT 325 m~ AND RATE OF DISAPPEARANCE 

OF PERSULPHATE WITH DIFFERENT INITIAL CONCENTRATIONS OF 

THIOGLYCOLIC ACID 

Initial Conc. Ferric Ion 1.00 x 10-4 M/1 

Conc. Sulphuric Acid 0.15 M/1 

Initial Conc. Potassium Persulphate 0.00800 M/1 

Time 
(min.) 

2.5 

4.0 

8.0 

12.0 

16.0 

20.0 

24.0 

26.0 

Initial Conc. Thioglycolic Acid - M/1 
0.01095 0.00436 

(Exp. 111) (Exp. 112) 

Optical [s2o8=l 
Density M/1 

D325 x 103 

0.140 7.97 

0.130 7.70 

0.115 7.02 

0.115 6.27 

0.123 5.65 

0.132 5.07 

0.140 4.59 

0.144 4.36 

Time 
(min.) 

2.5 

4.0 

8.0 

12.0 

16.0 

20.0 

24.0 

28.0 

32.0 

36.0 

40.0 

Optical 
Density 

D325 

0.150 

0.145 

0.140 

0.144 

0.157 

0.165 

0.171 

0.176 

0.181 

0.186 

0.190 

rs2o8=] 

M/1 

x 103 

7.97 

7.81 

7.33 

6.83 

6.48 

6.25 

6.08 

5.94 

5.82 

5.73 

5.69 
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FIGURE 22 

EFFECT OF DIFFERENT INITIAL CONCENTRATIONS OF 

FERROUS ION ON THE INITIAL RATE OF DISAPPEARANCE 

OF PERSULPHATE IN 0.15 M SULPHURIC ACID 

Initial Cene. S2o8= 0.00400 M/1 

Initial Cene. TSH 0.01095 M/1 
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by periodically adding 10 ml. aliquots to mixtures of 5 ml. 

of 2 M potassium thiocyanate solution and 2 ml. of 2 M 

hydrochloric acid solution in 25 ml. volumetrie flasks 

which were then filled to the mark with water. The optical 

densities of the resulting red complex were then measured at 

a wavelength of 480 m~with a Beckmann DK spectrophotometer. 

The measurements are shown in Table XLVI. 

The reciprocal optical densities for three representative 

experiments plotted against time (Figure 23) yield straight 

lines corresponding to 

__ d_(D_) = 
dt 

The value of k is directly proportional to the square of the 

mercaptan concentration. The fourth order rate constant is 

k 
= (TSH) 2 

where ~ represents the extinction coefficient of the ferric 

ion- thiocyanate complex at 480 m~ (Table XLVII). The 

logarithm of the fourth order rate constant plotted against 

the logarithm of the hydrogen ion concentration yielded a 

straight line of slope- 3.7 (Figure 24). The rate constant 

may therefore be taken as inversely proportional to 

approximately the fourth power of the hydrogen ion concentration. 

Experiments were also made in which relatively small 

concentrations of sulphuric acid were added, and a marked 



TABLE XLVI 

RATE OF DECREASE OF OPTICAL DENSITY (FERRIC ION CONCENTRATION) WITH 

DIFFERENT INITIAL CONCE}ŒRATIONS OF FERRIC ION AND THIOGLYCOLIC ACID 

Extinction Coefficient - 1.10 x 104 1.M:1 

Ionie Strength 1.00 

Conc. Perch1oric Acid - M/1 

0.101 0.202 0.303 0.404 

Initial Conc. Thioglyco1ic Acid - M/1 
0.00075 0.00188 0.00375 0.00563 0.00375 0.00563 0.00563 

(Exp. 113) (Exp. 114) (Exp. 115) (Exp. 116) (Exp. ·117) (Exp. 118) (Exp. 119) 

Time Optica1 
(min. )Density 

Time Optica1 Time Optica1 Time Optica1 Time Optica1 Time Optica1 Time Optica1 
(min.) Den si ty- (min.) Densi ty (min.) Den si ty (min.) Densi ty (min.) Dens i ty (min.) Den si ty 

D D D D D D D 

0.00 0.526 o.oo 0.526 o.oo 0.370 0.00 0.370 0.00 0.526 0.00 0.526 0.00 0.370 
2.25 0.392 2.00 0.223 2.00 0.263 2.25 0.203 2.00 0.363 2.00 0.415 2.00 0.340 
5.50 0.301 5.25 0.110 5.75 0.178 6.00 0.114 5.'75 0.227 5.50 0.310 9.00 0.283 
9.25 0.240 8.75 0.068 9.50 0.135 9.75 0.081 9.25 0.164 9.00 0.250 25.50 0.209 

13.25 0.199 13.50 0.100 13.75 0.057 13.00 0.129 12.75 0.207 43.25 0.162 
17.00 0.166 17.75 0.078 17.50 0.049 16.50 0.108 16.25 0.175 70.00 0.125 
20.75 0.148 23.00 0.062 20.25 0.089 19.75 0.153 

( -1 -1) k M .1. min. 
0.240 1.444 0.515 1.010 0.464 0.235 0.0788 

x10 - 7 ) 

188 164 16.2 14.0 14.6 3.27 1.10 

1-' 
ro 
Q') 
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FIGURE 23 

EFFECT OF DIFFERENT INITI!L CONCENTRATIONS OF FERRIC 

ION, OF THIOGLYCOLIC ACID AND OF PERCHLORIC ACID 

ON THE RATE OF REACTION OF FF~RIC ION WITH 

THIOGLYCOLIC ACID 

Ionie Strength 1.00 

0 Exp. 113 

D " 115 

" 116 

• Il 117 
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TABLE XLVII 

EFFECT OF PERCHLORIC ACID CONCENTRATION ON THE 

FOURTH ORDER RATE CONSTANT k4 

Ionie Strength 1.00 

Exp. No. [ HC104] k' 
4 

M/1 (1~M:2min.-1) 

x 107 

113 0.101 188 

114 0.101 164 

115 0.202 16.2 

116 0.202 14.0 

117 0.202 14.6 

118 0.303 3.27 

119 0.404 1.10 
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FIGURE 24 

EFFECT OF DIFFERENT CONCENTRATIONS OF 

PERCHLORIC ACID ON k4, THE FOURTH ORDER RATE 

CONSTANT FOR THE FERRIC ION - THIOGLYCOLIC ACID REACTION 

Ionie Strength 1.00 
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decrease in the reaction rate and in the fourth order rate 

constant resulted (Tables XLVIII and XLIX). This decrease 

was greater than could be explained by the small increase 

in hydrogen ion concentration resulting from the sulphuric 

acid addition to the system, and hence, it would seem 

apparent that sulphate ions were also retarding the reaction. 

Since under the conditions of these experimenta HSo4- ions 

were not completely dissociated, the dissociation constant 

(117) of this ion was employed in the determination of the 

sulphate ion concentration in the reaction mixture. 

From the above experimenta, it may be concluded that 

the rate of reaction of ferric ions with thioglycolic acid 

in acidic solution (pH< 2) was markedly retarded by both 

hydrogen and sulphate ions. 
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TABLE XLVIII 

RATE OF DECREASE OF OPTICAL DENSITY WITH DIFFERENT 

CONCENTRATIONS OF SULPHURIC ACID 

Ionie Strength 1.00 

Conc. Perch1oric Acid 0.101 M/1 

Conc. Su1phuric Acid - M/1 

0.0098 1 0 .• 0245 

Initial Conc. Thiog1yco1ic Acid - M/1 

0.00375 0.00188 0.00375 
(Exp. 120) (Exp. 121) (Exp. 122) 

Time Optical Time Optical Time Optica1 
(min.) Densi ty (min.) Density (min.) Density 

D D D 

o.oo 0.526 ·o.oo 0.526 o.oo 0.526 

2.00 0.177 2.00 0.326 3.00 0.249 

5.00 0.083 5.50 0.197 6.50 0.155 

9.25 0.143 10.25 0.110 

12.50 0.110 13.50 0.083 

16.00 0.090 17.00 0.071 

0.570 0.705 

71.4 22.1 
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TABLE XLIX 

EFFECT OF SULPHURIC ACID CONCENTRATION ON THE FOURTH 

ORDER RATE CONSTANT k4 

Ionie Strength 1.00 

Exp. [ H2so4 ] [so4=] (H+] k" k4 4 
No. M/1 M/1 M/1 {l~M72min71 ) {l~M:2min71 ) 

x lo-7 x lo-7 

120 0.0098 0.0070 0.118 63.8 llO 

121 0.0098 0.0070 0.118 71.4 llO 

122 0.0245 0.0170 0.143 22.1 52.5 

Note: Values of k~ were interpolated from Figure 22. 
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DISCUSSION 

The resulta of the experimenta which were made in the 

presence of added iron demonstrated that cations of this 

metal were capable of catalyzing very markedly the reaction 

of persulphete with thioglycolic acid to yield dithiodi­

glycolic acid. The reaction rate was observed to decrease 

with decrease in the concentration of dissolved iron, and to 

extrapolate to zero when the concentration of iron approached 

zero (FigureslO and 22). In the light of this observation it 

is concluded that, in the presence of measurable concentrations 

of dissolved iron, the disappearance of persulphate by either 

homolytic dissociation or by direct reaction with thioglycolic 

acid was negligible under the conditions of these experimenta. 

The rate of the iron catalyzed reaction, except when the 

reaction mixtures were 0.10 M and 0.15 M in sulphuric acid, 

was independant of the mercaptan concentration and was first 

order in the concentration of persulphate. Division of the 

first order rate constant for p ersulphate disappearance by 

the total concentration of iron pr~sent yielded a value which 

was independent of the iron concentration, and which was 

equal to the rat e constant for the react i on of p ersulphate 

with ferrous ion measured under similar conditions, but in 

the absence of mercaptan. In addition, the above mentioned 

quotient was influenced by ionie strength i n exact l y the same 

way as the rate constant for the ferrous ion - persulphate 

reaction ( 32). 
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Renee, under the conditions of these experimenta the 

form of the catalyst cycle appears to be quite clear. The 

observations suggest that ferrous ion was slowly oxidized 

by persulphate to ferric ion, and that this step was 

followed by the very rapid reduction of the ferric ion by 

thioglycolic acid. The results of previous investigations 

(32, 33, 42) have indicated that when persulphate reacts 

with ferrous ion, a ferric ion and a sulphate ion radical 

are produced. The sulphate ion radical may in turn react 

with a second ferrous ion or with an organic compound 

provided one is present. For the reaction which is being 

considered here, the following tentative scheme is suggested. 

+ Fe++ (slow) Fe+++ + 
. 

s2oa= so = + so - (1) ...... 4 4 

so4..:. + Fe++ 
(fast) 

Fe+++ + so4= ...... (2) 

. (fast) 
and/or so4- + TSH _.... TS• + HS04- (3) 

2Fe++++ 
(fast) 

TSST + 2Fe++ + 2H+ 2TSH ...... (4) 

(fast) 
2TS• ...... TSST (5) 

These steps predict that the reaction rate will be given by 

the following expression 
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where [Fe] represents the total concentration of iron in the 

system. 

It was possible to determine from the spectrophotometric 

measurements both the persulphate and ferrous ion concentrations 

as functions of time in the reaction mixtures which were 

0.15 M in sulphuric acid, and these results also indicated 

that the rate of disappearance of persulphate was given by 

the above expression, namely 

Renee, the available evidence establishes beyond reasonable 

doubt that persulphate was destroyed only by reaction with 

ferrous ion and by no other process, and that neither 

thioglycolic acid nor any substances derived from thioglycolic 

acid had any influence upon this reaction. 

Second order rate constants for the persulphate - ferrous 

ion reaction have been measured by Williams and his co-workers 

(32, 33) et severel temperatures. In their reaction mixtures 

the pH was adjusted to four. The second order rate constants 

measured in the present series of experimenta were approximately 

50% of the values obtained by Williams et al. The difference 

might result from the much larger hydrogen ion concentration 

(lOO to 1000 fold) in the present experimenta. However, until 

more experimenta have been made the reason for the discrepancy will 

remain uncertain. 
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When the persulphate - mercaptan mixtures were 0.10 M 

and 0.15 M in sulphuric acid, the rate of disappearance of 

persulphate was a function of both the initial concentration 

of thioglycolic acid and the initial persulphate concentration. 

This observation suggests that, at higher acid concentration, 

the reduction of ferric ion by thioglycolic acid no longer 

proceeded at a rate which was rapid relative to the rate of 

the persulphate - ferrous ion reaction. However, before 

considering the possible significance of these resulta it 

seems necessary to examine the data for the reaction between 

ferric ions and thioglycolic acid in the absence of persulphate. 

The rate of reaction of ferric ion with thioglycolic 

a cid was second order in both the concentration of ferric ion 

and the concentration of thioglycolic acid, 

i.e. 
d[ferric] = k4[ferric] 2[thioglycolic acid] 2 

dt 

This suggests that before reaction occurred, a complex 

containing two ferric ions and two thioglycolic acid molecules 

was formed. That complexes in the ferric ion - thioglycolic 

acid system do exist is indicated by the blue colour which 

was produced when the two reactants were mixed initially. 

This blue complex disappeared very rapidly, and partly for 

this resson no attempt was made to determine experimentally 

either its structure or its mode of decay. However, Lamfrom 

and Nielsen (105) have shown that the blue complex disappeared 
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by a first arder process at -35°C in a solvent consisting 

of 6 parts by volume of ethanol to 10 parts water. It would 

appear, therefore, that the blue complex might well be 

formed of two ferric ions and two thioglycolic acid molecules. 

The fourth order rate constant for the reaction was 

observed to be inversely proportional to the fourth power 

of the concentration of perchloric acid. Hydrated ferric 

ion, FeoH+, would exist in very small quantities even in 

these acidic solutions {pH~ 1.0) (121), and this substance 

rather than free ferric ion might have been the reactive 

species. Also, both the carboxyl group and the sulphydryl 

group of the thioglycolic acid are capable of ionizing 

according to the following scheme, though under the conditions 

of these experimenta both these ionizations would have 

occurred to only a very low degree (71, 72). 

K' 

HSCH2COOH - HSCH2coo- +W +--

K" K"' 
H 

K"' 
n 

H+ + -scH2COOH - -scH coo- + 2H+ +- 2 

K" [HSCH200H) 
[ -scH2COOH] = [ rr+J 

K 'K"' K"" [ HSCH2COOH] 
= 

[ H+] 

and [ -scrr2coo-] = K'K""[HSCH2COOH] 

[H+]2 

K 'K"' [ HSCH2COOH] 
= 

[H+] 
2 
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It is conceivable that one of the ionized species of 

thioglycolic acid rather than the undissociated molecule 

was important in the reaction. 

When low concentrations of sulphuric acid were added to 

the reaction mixtures in perchloric acid and sodium perchlorate, 

the fourth order rate constant was decreased markedly. Since 

the change in the hydrogen ion concentration brought about by 

the addition of the sulphuric acid was insufficient to explain 

the large decrease in the rate constant, it appeared that 

the ferric sulphate complex must have been formed (119) and 

was incapable of reaction with the mercaptan. 

These observations may be explained by postulating either 

hydrated ferric ion to be in equilibrium with the mercaptide 

ion or free ferric ion to be in equilibrium with the doubly 

ionized thioglycolic acid. It is suggested that the reaction 

rate was governed by the first order decomposition of the 

complex containing the two ferric ions and the two thioglycolic 

acid molecules to yield disulphide and ferrous ion. The 

following mechanism is proposed: 

Fe+++ + so = ~ Feso4+ 4 .,_ 
Feso4+ + so = 4 

~ Fe{S04 )2-...... 
Fe+++ + c1o4- ~ FeClo42+ ...... 

Fe+++ + H20 ~ FeoH2+ + H+ ...... 
TSH ... Ts- + H+ 

( 4) 

(5) 

(6) 

(7) 

(8) 
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FeOH2+ + Ts-

2FeOHTs2+ 

Fe2 (0H) 2 {TS)24+ 

FeOHTs2+ 

Fe2 (0H) 2 (TS)2
4+ 

2Fe++ + TSST + 2H20 

( 9) 

(10) 

{11) 

Step (11) in the above scheme is assumed to be rate 

controlling, hence rate of disappearance of ferric ion to be 

given by 

d[ferric] 2 __ 2 2 k4[ferric] [thioglycolic acid] = 
dt 

(i) 

If the iron - mercaptan complexes are assumed to be highly 

dissociated, then (i) becomes 

k4,[rerric] 2[thioglycolic acid] 2 = 
2 2 2 

= kl1KloK9KsK7 [Fe+++]2[TSH]2 
[ H+]4 

(ii) 

where [ferric] and [thioglycolic acid] represent the total 

concentrations of ferric ion and thioglycolic acid in the 

reaction mixture respectively. In the absence of sulphate ion 

the following relations will hold: 

[ferric] =[Fe+++] { 1 + K6[clo4 -] + K7/[~]} 
~ [Fe+++] 

and [thioglycolic acid] = [TSH] {1 + Ks/[H+]} 

?ft [ TSH] 
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Since the hydrogen ion concentrations in the reaction 

mixtures were large, both K7/[H+] and Ks/[H+] may be neglected. 

Evidence has been obtained by Sykes (55) that complex 

formation between ferric ions and perchlorate ions does occur 

to a small degree, but it will be assumed to be negligible 

in the present experimenta. Hence, 

(iii) 

In the presence of low concentrations of aulphuric acid, 

the reaction rate is postulated to be given by 

k~[ferric] 2[thioglycolic acid] 2 = 

2 2 2 
= kllKloK9KsK7 [Fe+++]2[TSH]2 

[H+]4 

and under these conditions 

Hence 

(iv) 

(v) 

The concentration of sulphate ion was sufficiently low that 

the concentration of Fe[S04]2- was negligible (119). By 

combining equations (iii) and (v) the following relation was 

obtained. 

(vi) 
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Values of the association constant, K4 , of the ferric ion -

sulphate complex were calculated (Table L) using equation 

(vi), and were considerably less than the value of 95 + 5 

reported by Whitekar and Davidson (119). The uncertainty 

of ~ 15 in the present values arose from errors of ~ 10% in 

the rate constants, which were very sensitive to hydrogen ion 

concentration. However, in spite of the difference between 

the present value and that determined by Whitekar and 

Davidson, support is given to the assumption that ferric ion -

sulphate complexes did not react appreciably with thioglycolic 

a cid. 

According to the proposed mechanism, the fourth order 

rate constant, k;', measured in the earlier experimenta when 

only sulphuric acid was present in appreciable amounts in 

the ferric ion - mercaptan reaction mixtures, would be given 

by the expression 

k"' = 
4 (vii) 

However, when the concentration of sulphuric acid was varied, 

the ionie strength of the reaction mixtures was not kept 

constant and the above equation cannet be examined in detail. 

In the above discussion, it has been assumed that 

hydrated ferric ions were in equilibrium with mercaptide ion. 

As was mentioned earlier, however, the results could be 

explained equally well by assuming that free ferric ions were 



- 142 -

TABLE L 

ASSOCIATION CONSTANT FOR THE COMPLEX BETWEEN 

FERRIC AND SULPHATE IONS 

Exp. No. 

120 45 + 15 

122 34 + 15 
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in equilibrium with doub1y ionized thiog1ycolic acid. In 

mi1dly acidic solution and in alkaline solution (pH = 4.6 to 10) 

it has been postu1ated that hydrated ferric ion rather than 

free ferric ion may complex with thiog1ycolic acid (101, 105, 

107). Furthermore, the present experimental results may also 

be accounted for if the complexes Fe2(0H) 2Ts3+ and FeOH(TS)2 

(or Fe2Ts4+ and Fe(TS)2-) are also postulated to exist. 

Except for the uncertainty about the structure of the 

ferric ion - mercaptan complexes, the reaction of ferric ion 

with thioglyco1ic acid in acidic solution appears to be 

straightforward. Returning now to the prob1em of main interest, 

namely the iron catalyzed reaction of persulphate with thio­

glycotic acid, an attempt will be made to interpret the results 

of the experimenta which were made in 0.10 M and 0.15 M 

sulphuric acid. 

When the reaction mixtures were in sulphuric acid of 

these concentrations, it was observed that ferric ion was 

reduced by thioglycolic acid much more rapidly in the presence 

of persulphate than in its absence. This indicates that, in 

the presence of persulphate, ferric ion and thioglycolic acid 

disappeared by a reaction which did not occur in the absence 

of persulphate, and consequently would not be involved in the 

mechanism postulated for the ferric ion - thioglycolic acid 

reaction. 

In experimenta in which persulphate was added to mixtures 

of ferrous ion and thioglycolic acid in 0.10 M sulphuric acid, 
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the blue complex was observed to form and subsequently 

disappear provided the initial ferrous ion concentration was 

sufficiently large ( > 5 x lo-3 M). This indicated that 

besides the additional ferric ion- thioglycolic acid reaction, 

the reactions postulated in the mechanism for the ferric ion -

mercaptan reaction occurred to sorne extent in the presence of 

persulphate, 

Hence, neglecting for the time being this rapid reaction 

of ferric ion with thioglycolic acid, which takes place in the 

presence of persulphate, it is assumed that the following 

reactions occurred in the persulphate -mercaptan mixtures. 

s2os= +Fe++ -+ Fe+++ + so = 
4 

+ so ...:. 
4 (1) 

304...:. +Fe++ -+ Fe+++ + so = 4 ( 2) 

so4...:. + TSH -+ TS• + HSO -4 (3) 

Fe+++ + so4= - Feso4+ ( 4) -+ + so4= - Fe(S04 )2- (5) FeS04 -
Fe+++ + H20 - FeOH2+ + H+ (7) -

TSH -- TS- + H+ (8) -
FeOH2+ + Ts- - FeOHTS+ (9) -

2FeOHTS+ - Fe2(0H) 2 (TS) 22+ (10) -
2Fe2 (0H)2 (TS) 2 -+ 2Fe++ + TSST + 2H2o (11) 

2TS• -+ TSST (12) 

In all the experimenta the thioglycolic acid concentrations 

exceeded the concentrations of iron by a factor of at least 

twenty, and assuming the rate constants of steps (2) and (3) 
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to be of the same order of magnitude, reaction (2) may be 

neglected without introducing an appreciable error. 

The results obtained when the reaction mixtures in 

0.15 M sulphuric acid were examin.ed spectrophotometrically 

appear to justify application of the stationary state concept 

to the ferrous ion concentration. This yields the following 

expression. 

Renee, 

k1ls2o8=][Fe++J = k 11lFe2 (0H) 2 (Ts)2
2+] 

= k~' [ferric] 2[thioglycolic acid] 2 

This rearranges to 

where 

and 

= k~' (TSH] 2 

Ek1 [s2o
8
=] 

D = E [ ferric] 

Dm - D = E [ ferrous] 

(viii) 

D representa the optical density of the system at 325 ~' and 

Dm representa the optical density if all the iron had been 

in the ferric state. 
Dm- D In Figures 25, 26 and 27 values of , for reaction 

D2 

mixtures in which the iron was initially ferrous, were plotted 

against [ TSH] 2 /[ s2oa=J to yield straight lin es for constant 

initial mercaptan concentration. The slopes of these lines, 

multiplied byE, gave values which were much greater than the 
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calculated values of k4Ïk1 , and were approximately inversely 

proportional to the initial thioglycolic acid concentration 

(Table LIV) - the curved line of Figure 2? was probably due 

to the varying initial mercaptan concentrations in these 

particular experimenta. On the other hand, they were not a 

function of the extent of reaction in a given system (Figure 25) 

which suggested that 

Dm- D 1 
n2 CX: -[ T_S_H_]_

0 

where [TSH] 0 representa the initial thioglycolic acid con­

centration. For constant initial concentrations of persulphate 

and the mercaptan Dm - D 
n2 

decreased with decrease in the 

concentration of iron in the system (Table LV). This suggested 

that, contrary to the earlier assumption, the reaction of 

sulphate ion radicals with ferrous ion was not negligible 

relative to that with thioglycolic acid. 

In the light of these observations, it appears that the 

experimental resulta can be described by the following relation, 

+ K [ TSH] 2 

Ek1lFe]x[TSH] 0 ls2o8-l 

where x need not be a constant, and it is postulated that 

the second term on the right representa the contribution by 

the relatively rapid reaction of ferric ion with thioglycolic 

acid in the presence of persulphate. The first term refera to 
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TABLE LI 

Conc. Sulphuric Acid 0.15 M/1 

Initial Conc. Thioglycolic Acid 0.01095 M/1 

Dm = 0.190 

Optical Dm - D [s2o8=] [TSH] [TSH] 2 
Density n2 M/1 M/1 ( 3208 =] 

D325 x 103 x 103 M/1 x 102 

0.065 29.6 1.50 9.90 6.53 

0.058 39.4 1.00 8.90 7.90 

0.083 15.5 3.50 9.90 2.80 

0.090 12.3 3.00 8.90 2.63 

0.090 12.3 1.00 4.95 2.44 

0.100 9.0 5.50 9.90 1.78 

0.105 '7.7 5.00 8.90 1.58 

0.119 5.0 3.00 4 .95. 0.81 

0.108 7.1 7.50 9.90 1.31 

0.115 5.7 7.00 8.90 1.13 

0.133 3:.2 5.00 4.95 0.49 
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TABLE LII 

Conc. Sulphuric Acid 0.15 M/1 

Initial Conc. Thiog1yco1ic Acid 0.00436 M/1 

Dm = 0.190 

Exp. No. Optica1 Dm - D [s2o8=J (TSH] 
Density D2 M/1 M/1 

D325 x 103 x 103 

103 0.098 9.60 1.50 3 .:l6 

103 0.100 9.00 1.00 2.36 

104 0.114 5.85 3.50 3.36 

104 0.120 5.00 3.00 2.36 

105 0.142 2.38 7.50 3.36 

105 0.148 1.93 7.00 2.36 

[TSH] 2 

(s2o8-J 
M/1 

x 102 

0.747 

0.558 

0.323 

0.185 

0.150 

0.080 
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TABLE LIII 

Conc. Sulphuric Acid 0.15 M/1 

Initial Conc. Potassium Persulphate 0.00400 MLl 

Dm = 0.190 

Initial Optical Dm - D [s2 o8=l [TSH] 
[TSH] 0 Density n2 M/1 M/1 
M/1 x 103 x 103 

x 103 

2.18 0.131 3.45 3.50 1.18 

7.63 0.098 9.58 3.50 6.63 

7.63 0.105 7.73 3.00 5.63 

15.30 0.072 22.8 3.50 14.30 

15.30 0.073 22.0 3.00 13.30 

(TSH] 2 

[s2o8•] 
M/1 x 102 

0.04 

1.26 

1.02 

5.82 

5.87 
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TABLE LIV 

"' COMPARISON OF THE CALCULATED VALUE OF k4 WITH 
kl 

THOSE DErERMINED FROM THE SLOPES IN FIGURES 25 AND 26 

-
Figure Slope E x Slope 

Ill 

k4 Initial E x Slope 
x lo-4 - [ TSH] 

0 
x [TSH]

0 kl 
k"' x Io-4 M/1 == K x lo-4 

(== ~ ) 
kl 

24 486 92.3 1.85 0.01095 1.01 

25 1750 333 1.85- 0.00436 1.45 
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FIGURES 25, 26 

"Dm - D" 11 l TSH] 2 '1 

PLOT OF (TABLES L, LI) AGAINST 
n2 ls2o8=] 

0 Exp. 

D n 

• Il 

â n 

0 Exp. 

a Il 

â Il 

Conc. H2so4 0.15 M/1 

Dm= 0.190 

Figure 25 

Initial Conc. TSH 0.01095 M/1 

99 Initial Conc. s2o8• 0.00200 M/1 

lOO Il " Il 0.00400 M/1 

101 If " " 0.00600 M/1 

102 " " " 0.00800 M/1 

Fisure 26 

Initial Conc. TSH 0.00436 M/1 

103 Initial Conc. -s2o8 0.00200 M/1 

104 " Il " 0.00400 M/1 

105 If Il " 0.00800 M/1 



2 4 
(TSH]2 8 
(s

2
0ë] M/Lxl02 

2 4 

[TSH]
2 

[s2oa] 

8 

M/Lx 103 
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FIGURE 27 

PLOT OF "Dm - D" (TABLE LII) AGAINST " [ TSH] 2 " 
n2 [s2c8:) 

Dm = 0.190 

0 Exp. 106 Initial Conc. TSH 0.00218 M/1 

D Il 107 " Il " 0.00763 M/1 

â Il 108 " Il " 0.01530 M/1 

• " 104 " " Il 0.00436 M/1 



0 
C\1 

0 -

N 
0 

x 
...:t 

" ·:e 
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the reduction of the mercaptan according to the above series 

of reactions. 

Hence, the rate of disappearance of ferric ion in the 

presence of persulphate is given by 

d[ferric] = k~1 [ferric]2[TSH]2 + ( xK [ferric] 2lTSH] 2 
dt Fe] lTSH] 0 

and since for these experimenta 

(Table LIV) this becomes 

_ d[ferric] 
dt 

"' k 4 << ----:K=----
[Fe]X[TSH]0 

Consequently under these conditions 

K 

(ix) 

At very low conversions when [TSH] 0 = [TSH] this equation 

becomes, 

K (TSH] 

When this equation was plotted for a series of reactions 

(Figure 28) a straight line was obtained, the slope of which 

yielded a value of K (K = E x slope = 9500) in good agreement 

with values of K determined from the results in Figures 24 

and 25. Dm - D The values of the ordinate, 
2 

, were determined 
D 

during the initial stages of the reaction in order that the 
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TABLE LV 

VARIATION OF Dm - D WITH INITIAL CONCENTRATION 
n2 

OF FERROUS ION 

Conc. Su1phuric Acid 0.15 M/1 

Initial Conc. Potassium Persulphate 0.00400 M/1 

Initial Conc. Thioglycolic Acid 0.01095 M/1 

Exp. No. Initial Optical Dm Dm- D 
[Fe++] Density n2 

M/1 x 104 D325 

109 0.50 0.050 0.095 18.0 

lOO 1.00 0.090 0.190 12.4 

llO 1.50 0.130 0.285 9.2 
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TABLE LVI 

VARIATION OF Dm - D WITH ( TSH) DURING 
n 2 [s2o8 =1 

THE INITIAL STAGES OF THE REACTION 

Conc. Su1phuric Acid 0.15 M/1 

Dm= 0.190 

Dm - D [TSH] [ s2o8 =1 
n2 M/1 x 103 M/1 x 103 

29.6 9.90 1.50 

15.5 9.90 3.50 

9.0 9.90 5.5:0 

7.1 9.90 7.50 

9.6 3.36 1.50 

5.85 3.36 3.50 

2.38 3.36 7.50 

3.45 1.18 3.50 

7.73 6.63 3.50 

22.8 14.30 3.50 

(TSH] 

[s2o8=1 

6.38 

2:.83 

1.80 

1.32 

2.24 

0.96 

0.45 

0.34 

1.60 

4.08 
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FIGURE 28 

PLOT OF "Dm - D" (TABLE LV) AGAINST " [ TS!!]_" 
n2 [s2o8=J 

Conc. H2S04 0.15 M/1 

Dm = 0.190 



. o 
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ebove approximation would be valid. Owing to difficulties in 

extrapolation, values of D were not determined at zero time. 

It can be seen from inspection of equation (ix) that by 

increasing the concentration of iron in the reaction mixture, 

the relative importance of the second term on the right to 

that of the first term would be diminished. Renee, it is not 

surprising that, when the concentration of iron was greeter 

than 5 x lo-3 M, the blue complex was observed when persulphate 

was added to mixtures of mercaptan and ferrous ion. 

No attempt hes been made up to this point to postulate 

by what means persulphate was eble to accelerate so markedly 

the reaction of ferric ion with thioglycolic ecid. In the 

rate expression for this reaction there was no term involving 

persulphate concentration, which suggests that persulphete 

was not directly concerned in the reaction. This supports an 

earlier conclusion that persulphate reacted only with ferrous 

ion, and that this reaction was not influenced in any way by 

thioglycolic acid. Renee, it would seem that some species 

derived from the persulphate - ferrous ion reaction, e.g. the 

sulphate ion radical or the thiyl radical, was responsible for 

this acceleration, perhaps by reacting rapidly with a ferric 

ion - thioglycolic acid complex. 

Further evidence for such a radical reaction rather than 

direct attack of persulphate on the complex was afforded by 

the observation that, when the iron in the reaction mixtures 

was initially in the ferric state, the reaction was preceded 

by an induction period. In these experimenta it was also 
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observed that until the steady state was reached, the rate 

of disappearance of ferric ion was not influenced by per-

sulphate. This may be accounted for by postulating the 

occurrence of the following reactions, 

(slow) 
2Fe++ Fe2(0H)2(TS)2 _.,. + 2H20 + TSST (11) 

=· ++ 
(fast) 

Fe+++ . 
s2o8 + Fe _.,. + so4~ + so4= ( 1 ) 

(very fast) 
X + Fe(III)TSH-complex _.,. Fe++ + TSST (13) 

(very fast) 
x _.,. (14) 

where X representa a radical derived from the persulphate -

ferrous ion reaction, e.g. the sulphate ion or the thiyl 

radical. Consequently, during the early stages of the reaction 

before the ferric ion had reached a stationary concentration, 

the rate of disappearance of ferric ion would not be influenced 

by the presence of persulphate as was observed provided the 

extent of reaction (14) was negligible. On the other hand if 

reaction (14) was not negligible during this early period, the 

rate of disappearance of ferric ion would have been lesa in 

the presence of persulphate than in its absence. This in turn 

suggests that when ferrous and ferric ions had reached a 

steady state, sorne of the X radicals did not react with the 

iron - mercaptan complexes, for otherwise the stationary 

concentration of ferric ion relative to that of ferrous ion 

would have been negligible. 

If sulphate ion radicals reacted with a complex, it is 
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then quite evident that they participated in the following 

reactions. 

so4..:. +Fe 
++ ..,. so4= + Fe+++ (2) 

so4..:. + TSH ..,. TS• + HS04- (3) 

so ..!. 4 + Fe(III)TSH-complex ..,. Fe++ + TSST + HSO -4 (15) 

Increasing the concentrations of ferrous ion and thioglycolic 

acid would tend to eliminate the reaction of sulphate ion 

radicals with the complex, and hence decrease the relative 

importance of this reaction, provided the concentration of 

the complex was proportional to less than the first power of 

the mercaptan concentration. Because of the high degree of 

dissociation of these complexes, it must be postulated that 

k15 >> k2 and k15 >> k 3 • This seems improbable a ince both 

steps (2) and (3) are very fast. 

It is also conceivable that thiyl radicals may react with 

a complex to give the observed results and the following two 

reactions might compete. 

TS• + Fe(III)TSH-complex ..,. Fe+++ TSST + H+ (16) 

2TS· ~ TSST (12) 

A similar mechanism was postulated by Lamfrom and Nielsen 

(105) to account for their measurements of the rate of oxygen 

uptake by mixtures of ferric ion and thioglycolic acid in 

weakly acidic solution (pH= 4.6 - 6.0). If this type of 

reaction occurred, it is difficult to understand why the rate 

of reaction of ferric ion with mercaptan in the presence of 

persulphate was inversely proportional to the initial mercaptan 

concentration. However, assuming sulphate ion radicals to 
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react with both ferrous ion and thioglycolic acid, an increase 

in concentration of thioglycolic acid would increase the 

stationary concentration of thiyl radicals. This in turn 

would bring about an increase in the relative amounts of 

disulphide produced by steps (12) and (16). But the rate of 

step (16) is more dependent than the rate of step (12) upon 

the thiyl radical concentration, and if the concentration of 

the complex changed less rapidly than the thiyl radical con­

centration with thioglycolic acid concentration, the relative 

importance of the fast reaction (step (16)) would decrease with 

increase initial thioglycolic acid concentration as observed 

experimentally. 

It seems that, regardless of whether the sulphate ion 

radical or the thiyl radical reacted with the complex, the 

influence of the total iron and initial thioglycolic acid 

concentrations on the rate of this fast reaction was brought 

about by competition between ferrous ion and mercaptan for 

sulphate ion radicale. 

With the existing information it is extremely difficult 

to determine either the structure of the complex which entered 

into this rapid reaction, or the nature of the radical, 

whether sulphate ion or thiyl, which reacted with the complex. 

Since sulphate ion radicals may react with beth ferrous ion 

and thioglycolic acid, the situation is even more complex, 

especially since the relative rates of these two reactions 

are unknown. 
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In spite of these questions which for the present must 

remain unanswered, the general nature of the catalyst cycle 

appears to be straightforward, namely that ferrous ion was 

oxidized by persulphate to ferric ion and the resulting ferric 

was reduced by the thioglycolic acid back to ferrous. It is 

very probable that ether cations present in the reaction 

mixtures as impurities were also capable of catalyzing the 

reaction, but this matter was not investigated since sufficient 

iron was present to make these reactions negligible. 

At the outset of this study, it was intended to determine 

whether thioglycolic acid exerted any influence upon the rate 

of decomposition of persulphate in aqueous solution. It is 

conceivable that if, in the absence of cationic impurities, 

the mercaptan neither reacted directly with persulphate nor 

influenced its rate of homolytic dissociation, it would react 

with the sulphate ion radicals, resulting from this dissociation, 

to produce disulphide. Although this thesis sheds no light 

upon these questions, it does demonstrate under what conditions 

experimenta would have to be made in order that the required 

information could be obtained. 

The concentrations of those metallic ions in the reaction 

mixtures, which were capable of catalyzing the reaction, 

would have to be sufficiently low that the rate of the catalyzed 

reaction would be negligible relative to the rate of the 

thermal decomposition of persulphate in aqueous solution. To 

fulfill this condition, the concentration of iron in reaction 
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mixtures at 25°C wou1d have to be 1ess than 1o-11 mo1es/1iterUO). 

It is apparent that fo11owing an extensive purification it 

wou1d be very difficu1t to devise a means of determining 

whether cata1ysis was e11minated in a given series of 

experimenta. It must be emphasized that reproducib1e resu1ts 

wou1d not serve as a criterion that the effect of cata1ysis 

had been e1iminated. 



- 163 -

SUMMARY AND CONTRIBUTIONS TO KNOWLEDGE 

1. Volumetrie methods were developed for following the reaction 

between potassium persulphate and thioglycolic acid by 

measuring the rates of disappearance of persulphate and 

thioglycolic acid and the rate of appearance of hydrogen 

ion. The reaction is best described by the following 

stoichiametric equation: 

S20a= + TSH -+ TSST + 2HS04-

2. The reaction between potassium persulphate and thioglycolic 

acid was catalyzed markedly by soluble salts of iron. 

However, in the absence of added iron reproducible measure­

ments of the reaction rate could not be made, and for this 

resson the iron catalyzed reaction was investigated. 

3. A spectrophotometric method was developed which, in 

addition to following the progress of the iron catalyzed 

reaction between potassium persulphate and thioglycolic 

acid, measured the stationary concentration of ferric ion 

in the reaction mixture as a function of time. This method 

was employed only for experimenta which were made in 0.15 M 

sulphuric acid. 

4. A spectrophotometric method was developed for following 

the reaction between ferrous ion and persulphate ion by 

measuring the rate of appearance of ferric ion. Both a 

spectrophotometric and a colourimetric method were 
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developed for following the reaction between ferric ion 

and thioglycolic acid by measuring the rate of dis­

appearance of ferric ion. 

5. In solutions of sulphuric acid the reaction between ferrous 

ion and persulphate ion displayed second order kinetics 

in agreement with earlier investigations, but values of 

the second order rate constant, k1, were approximately 

one half thOse determined by Williams et al (32, 33). 

6. In acid solution (pH<:2) the reaction between ferric ion 

and thioglycolic acid was found to have the following 

characteristics: 

(a) The reaction rate was second order in both the ferric 

ion concentration and in thioglycolic acid concentration. 

(b) The reaction rate was inversely proportional to the 

hydrogen ion concentration raised to a power of 3.7. 

(c) The reaction was markedly inhibited by sulphate ion. 

(d) Upon initial mixing of ferric ion with thioglycolic 

acid a blue complex was formed which disappeared rapidly. 

7. The following mechanism for the reaction between ferric 

ion and thioglycolic acid was postulated to explain the 

experimental observations: 

(a) Iron -mercaptan complexes in dynamic equilibrium with 

ferric ion and thioglycolic acid are formed. 

(b) The rate controlling step for the reaction between 

ferric ion and thioglycolic acid is the first order 

decomposition of a complex containing either two free 
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ferric ions and two doubly charged negative ions of 

thioglycolic acid or two ferric hydroxyl ions (FeOH++) 

and two singly charged negative ions of thioglycolic 

a cid. 

(c) Sulphate ions retarded the reaction by forming 

complexes with ferric ions which do not react with 

thioglycolic acid at an appreciable rate. 

8. At a pH of approximately 2 the iron catalyzed reaction 

between potassium persulphate and thioglycolic acid was 

found to have the following characteristics: 

(a) The reaction rate was directly proportional to the 

concentrations of persulphate ion and added iron but 

independant of the concentration of thioglycolic acid. 

(b) Division of the first order rate constant for per­

sulphate disappearance by the concentration of added 

iron yielded a second order rate constant, k1 , which 

was independant of the concentration of iron. 

(c) The calculated second order rate constant, k1 , was 

equal to the rate constant for the reaction between 

ferrous ion and persulphate ion and varied with ionie 

strength in the same manner as did the rate constant 

for the ferrous ion - persulphate reaction. 

9. In 0.15 M sulphuric acid the iron catalyzed reaction 

between potassium persulphate and thioglycolic acid was 

found to have the following characteristics: 

(a) The reaction was 0.80 order in persulphate 
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concentration and 0.10 order in thioglyco1ic acid 

concentration. 

(b) The stationary state concentration of ferric ion 

increased with increased initial persulphate con­

centration and decreased with increased initial 

thioglycolic acid concentration. 

(c) Values of the second order rate constant, k1 , ca1culated 

from the rate of disappearance of persu1phate ion and 

the concentrations of persulphate and ferrous ions at 

a given instant of time, were approximate1y equal to 

the second order rate constant for the persulphate -

ferrous ion reaction in 0.15 M sulphuric acid. 

(d) The reduction of ferric ion by thioglycolic acid 

occurred much more rapidly in the presence of potassium 

persulphate than in its absence. 

(e) When the added iron was initially in the ferric state, 

the reaction of potassium persulphate with thioglycolic 

acid was preceded by an induction period. However, 

fol1owing this induction period the reaction rate 

achieved the seme value as when the added iron was 

initially in the ferrous state. Furthermore, the 

stationary state concentration of ferric ion was 

independant of whether the added iron was initially 

in the ferrous or ferric state. 

(f) When the added iron was initially in the ferric state, 

the rate of disappearance of ferric ion, during the 
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induction period before its concentration had reached 

a stationary state value, was not influenced by the 

presence of potassium persulphate. 

(g) Solutions of potassium persulphate, thioglycolic 

acid, dithiodiglycolic acid and ferric ion in 0.15 M 

sulphuric acid and various mixtures of these com­

ponents in 0.15 M sulphuric acid were examined 

spectrophotometrically in the wavelength range from 

400 to 210 m~. Evidence that measurable concentrations 

of complexes between these substances existed was not 

obtained. 

10. The following mechanism for the iron catalyzed reaction of 

potassium persulphate with thioglycolic was postulated 

to explain the experimental observations: 

(a) The persulphate ion oxidizes ferrous ion to produce 

ferric ion and a sulphate ion radical. Direct reaction 

between persulphate ion and thioglycolic acid in the 

presence of added iron is negligible. 

(b) Sulphate ion radicals react with both ferrous ion and 

thioglycolic acid to produce ferric ion and thiyl 

radicals respectively. 

(c) The catalytic cycle is completed by the reduction of 

ferric ion by thioglycolic to yield ferrous ion and 

dithiodiglycolic acid. 

(d) Dithiodiglycolic acid is also produced by the 

recombination of thiyl radicals. 
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(e) The relatively rapid reduction of ferric ion by 

thioglycolic, which occurred in the presence of 

potassium persulphate, is due to the reaction of 

either a sulphate ion radical or a thiyl radical 

with a ferric ion - thioglycolic acid complex. 
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