
THE REACTION OF POTASSIUM PERSULPHATE WITH THIOGLYCOLIC 
ACID IN AQUEOUS SOLUTION1 

ABSTRACT 

The oxidation of thioglycolic acid to dithiodiglycolic acid by potassium persulphate in 
aqueous solution in the absence of iron did not yield reproducible results, but satisfactory data  
were obtained when ferrous or ferric ions were added to  the system. The catalyst cycle appears 
to  be that ferrous ion is oxidized by persulphate to ferric ion, and the ferric ion is reduced back 
to ferrous ion by thioglycolic acid. 111 the absence of persulphate, the reaction of ferric ion 
with thioglycolic acid in acid s o l u t i o ~ ~  (pH <3) was second order in both ferric ion and thio- 
glycolic acid concentrations and was marlcedly inhibited by hydrogen ion. 

INTRODUCTION 

The rate-controlling step in the thermal decomposition of persulphate ion in aqueous 
solution has been postulated to be the first-orcler homolytic dissociation of persulphate 
to yield sulphate ion radicals '(1, 2,  3). 

The addition of organic coinpouncls to solutions of persulphate in general increases the 
rate of decomposition of the persulphate ion, but the mechanisms of many of these re- 
actions are not well understood ( 2 ,  4 ,  5 ,  G ,  7). 

The reactions of potassiuill persulphate with allcyl mercaptans in glacial acetic acid - 
water solution have beell discussed in a previous paper from this laboratory (4). Secondary 
salt effects were observed which tended to rnake interpretation of the results difficult, 
but it seemed that persulphate decomposed unimolecularly to yielcl two sulphate ion 
radicals which either reacted with the mercaptan or recoinbined in a solvent "cage". 

For the decomposition of persulphate ion i n  the presence of certain other organic 
compounds, e.g. methanol and hydrazobenzene, no evidence for the existence of a solvei~t 
cage has been found ( 2 ,  5 ,  G ) .  Furthermore, it has been postulated that the sulphate ion 
radicals in these reaction mixtures were produced by direct reaction between persulphate 
ion and the organic compound rather than by unimolecular decomposition of persulphate 
ion ( 2 ,  5 ) ,  though for the persulphate-methanol reaction there is now doubt that this 
view is correct (6). 

The present i~~vestigation was planned originally with the intention of obtaining more 
information about the reactions of persulphate ion with organic compounds, particularly 
those containing the sulphydryl group. Thioglycolic acid was chosen to perinit experi- 
inents in aqueous solution, hence avoiding the difficulties encountered in the earlier 
investigation ( 4 ) .  

Preliminary experiments (a), which will not be described, indicated that 2 inoles of 
thioglycolic acid were oxidized by 1 mole of persulphate to yield I illole of dithiodiglycolic 
acid, but measurements of the reaction rate were quite erratic. Reproducible data were 
obtained, however, in the presence of soluble iron salts as catalyst, and it was decicled 
to investigate this catalyzed reaction. 

'iMa?tuscript rcceived Febrzlary 6, 1969. 
Conlrzbution fro?it the Physical Che?laistry Laboratory, iWcGill U?ttvcrsity, with ji?aancial assista?ice front 

the Cazadian Kodak Co., Ltd.,  azd  the National Researciz Coz~ncil.  
2Holder of a Canadian I'odak Co?~apany, Ltd., Fellowsit~p. 
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Fisher "purified" thioglycolic acid was distilled rapidly a t  8 mm Hg ancl 05" C,  ancl the 
distillate was stored a t  O0 C under arl atmosphere of nitrogen (0). Its purity was estimated 
to  be 99.5y0 by dilutir~g weighed quantities with water and titrating these with standard 
iodine solution, using starch as the indicator. 

The other materials e~liployecl in this investigation, which were supplied by Brickma11 
and Company, YIontreal, were of reagent gracle and were used as receivecl. 

Either ferrous 01- ferric anlmoniu~n sulphate was usecl to  catalyze the reaction. The 
ionic strength of the reaction mixture was ncljustetl by adding potassium sulpllate, sul- 
i3huric acid, 01- mixtures of the tnw. I n  calculating the ionic strength, allowance was 
made for the inco~nplete dissociation of I<SOh- arlcl I~ISO.I- ions (10, 11). 

Both the stanclardized solutions of the reactants ancl the reaction mixtures were pre- 
Inred with laboratory clistilled water. Prior to mixing, the reactant solutiolls were swept 
with nitrogen (99.9"jo) which was saturated with water vapor and used without further 
purification. The reaction n l ix t~~res  were slvept with ~iioist nitrogen while esperi~nents 
were in progress a t  25 .8f  0.02" C. 

The progress of the reaction \vas cletermi~ied b!. transferring alicluots f ron~ the reaction 
mixture to 25 1111 of approxiinately 20'7' phosl~horic acitl ancl estimating tile tliioglycolic 
acid content by titration with a starlclarcl solution of iodine i l l  a solutio11 of potassium 
iodide. 'The phosphoric acid, by conlplexing the ferric ion, served to slow the reaction 
;incl to prevent possible co~iiplications in the subsequelit titration with iocline. Iieactio~i 
of persulphate with ioclide ion cluri~ig the iodin~etric titration was founcl to  be negligible. 

For experi~nents i l l  0.15 .li sulphuric acid, both the progress of reaction and the con- 
centration of ferric ion were cletern~ined by periotlicall~r removing aliquots trom the re- 
action misture ; ~ i i c l  recording their ultl-aviolet spectra lor \\ravelengths up to 400 in@. 
Froin the clata i l l  Table I it may be inferred that  appreciable conlplex forniatioli clid 
not occur betweeri any of the co~ilponents present in the reaction nlistures. 'I-lie concen- 
tratioii of ferric ion in reactiol~ mixtul-es was estimated from the optical density measuretl 
a t  3% 5nlll. The optical cle~isities a t  lower n~avelengths ~verc the11 col-rectetl for the contri- 

'I'.\BLE I 

Optical density oi aclueolls s o l u l i u ~ ~ s  of the conlponents and of \.arious nlistures of the  cotllpoliellrs prct;clit- 
i n  the iru~~-c.;it:il>.zetl persulphatc - thiugl!.colic. acid re;~ctiol~ n ~ i s t u r e s  (sulphuric acid 0.15 11/1. (mole/liter)) 
-pp-pp. -- pppppp-. . . -- . . - - 

01,rical density 

6 . 0 2 X  10-4 iC1 S20r- and 1 .!I1 X 10-;' .Id 'L'SII 
8 . 0 2 X  10-4 dl S20a- a n d  .I . 45X 10-5 '\.I l'e-' '. 
-1.00X10-4 M I 'e '- '  and 0.955X10-3 MTSII  
1 . 0 0 X  10-4 X I  TSST and I .OOX 10-L.11 TSIl 
1 .OO X 10-4 ,\l TSST and -1.00 X 10-4 dl Fe '' 
l .OOX 10-3 '1.1 'EST ar~ri 8 . 0 0 X  lo-:' .11 I'r-' ' 

A. Purr components 
0.005 
0.005 
0.005 
0.012 
0.0'24 

U. Mixtures oi componerits 
0.023 

0.069 0.113 0.109 0.096 
0.005 
0.035 
0 .028 

0 .  1:%1 0 I !  0 ,200 0 .  185 
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bution by ferric ion and, by using this corrected value, the concentrations of the remaining 
cornponerlts in the reaction mixture a t  any time were calculated using the following 
equation, , 

D - E T S R [ T S H ] O - ~ ~ ? O ~ = [ S ~ ~ ~ =  10 [TSST] = - -- 

ETSST-~ETSH- E ~ 2 ~ 8 =  

where D represents the corrected optical density, E the respective exti~lctio~l coefficients, 
and [TSHIo and [SzO*]o the initial conce~ltrations of thioglycolic acid and persulphate 
respectively. The results obtained using the spectrophoto~netric nlethod were in excellent 
agreement with those obtained using the volunletric method (Fig. 4). 

RESULTS 

Experiments a t  a pH of approxi~llately 2 showed the reaction to be first order in the 
persulphate co~lce~ltration and zero order in the thioglycolic acid concentration. The 
first-order rate constant for persulphate disappearance, klf in Table 11, was directly pro- 
portional to the concentration of iron in the system, which indicates that,  in the presence 
of added iron, direct reaction between persulphate and thioglycolic acid was negligible. 
The effect of ionic strength on the calculated second-order rate constant, k1 = ki/[Fe], 
is shown in Fig. 1, and i t  is apparent that the rate-controlling step of the reaction consists 
of interaction between doubly charged ions of the opposite sign. 

FIG. 1. Variation of thelsecond-order rate constant, kl, with the ionic strength: -0-- see ref. (16, 17). 

For reaction mixtures in which the concentration of sulphuric acid was 0.15 M and in 
which the iron was initially in the ferrous state, the initial rates of reaction and the first- 
order rate constants a t  zero time were functions of the initial concentrations of both the 
persulphate and the thioglycolic acid (Table 111). Further~nore, the concentration of 
ferric ion reached a stationary value which increased with increasing persulphate con- 
centration and decreased with increasing thioglycolic acid concentration (Figs. 2 and 3). 
Division of the rate of disappearance of persulphate in these reaction inixtures by the 
product of the persulphate and ferrous ion concentrations a t  a given instant of time 
yielded a second-order rate constant correspondi~lg to kl which was independent of the 
reaction mixtures, and for which the average value ((351 1. mole-' min-I) was in reason- 
able agreement with that sho~vn in Fig. 1 a t  the same ionic strength. As observed 
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I-IENDERSON .XXD \VIKKLER: THIOGLYCOLIC ACID 1085 

TABLE I1 

The cifect of cliiferent initial conccntratio~is of ferric ion, persulphate, and thioglycolic acid or1 the rate of 
disappearance of persulphate a t  pH ?. 2 

Initial 
[Fei++] 
( x 105) 

Initial 
[TSHI 
( x 1 0 3 )  

Ionic 
strength 

[H?SO.,l ( F )  
k~ = klJ/JFe1 

(I. R f - I  mrn-I) 

492 
497 
-160 
380 

1650 
1650 
1650 
39 1 
:197 
391 

TABLE 111 

The effect of different initial concentrations of ferrous ion, pcrs~~lpliatc,  alicl thioglycolic acid on the ratc of 
disappcara~icc of persulphate in 0.15 Ab S L I I ~ I I L I ~ ~ C  acid (ionic strcrigth = 0.224) 

Initial 
Initial Initial Initial d[Sl0s3l Initial 
[Fei+] IS?O~-I [TSFI 1 dl  k I' 

( x lo5) ( x lo3) ( x lo3) (h1 ~i l i r l -~  XlO5) (mill-I) 

previously for pI-1-2, the initial rate of reaction extrapolated to zero when the initial ~011-  

centration of ferrous ion was decreased to zero indicating tha t  clirect reactioil between 
persulphate ion and thioglycolic acicl was negligible. 

When the addecl iron was initially in the ferric state,  the reaction was preceded by an 
induction period, but  following this induction the rate of reaction was the same as  for 
experiments in which the iron n7as initially i r l  the ferrous state (Fig. 4). The  stationary- 
s ta te  concentration of ferric ion was indepenclent of the valence state of the iron a t  zero 
time, although it was not attained lor several minutes wlien the iron was initially in the 
ferric state. The  rate of disappearance of ferric ion during the greatel- part  of the induc- 
tion period, i.e. before its concentratioil reached a statioilary value, was not influenced 
by the presence of persulphate (Fig. 5 ) .  

T o  study the reaction between ferric ion and thioglycolic acid in sulphuric acid solu- 
tions, the disappearance of ferric ion was follo~vecl by the change in optical density a t  
305 mp. The thioglycolic acid concentratioi~ was in sufficient excess over tha t  of ferric 
ion to be considered independent of time. The  slopes of the straight lines in Fig. 6, which 
show the second-order dependence of the reaction rate on the ferric ion concentration, are 
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> k 
V) 10 2 0 3 0 40 
Z 
W T I M E  - MIN 
a 
_I I 1 

L 1 I I I I I I 
10 2 0 30 4 0 

T I M E  - MIN 

FIGS. 2 AND 3. Effect of ditlerent initial concentrations of persulphate and of thioglycolic acid on the 
optical density a t  325 mp. Initial concn. Fe++ 10.0X10-5 M/I. Concn. HISOl 0.15 M/l. 

FIG. 2. Initial concn. TSH 0.01095 MA. FIG. 3. Initial concn. Soon' 0.00400 MA. 
Initial concn. SzOs- 0 0.00200 hl/l. 

0.00400M/I. 
A 0.00600 M /I. 

0.00800 M/l. 

Initial con&,. TSH - 0 0.00218 M/I. 
0.00763M/I. 

A 0.01530M/I. 

TIME-MIN 

FIG. 4. Effect of the initial osidation state of the dissolved iron on the rate of disappearallce of 
persulphate. 

4 Iron i~~i t ia l ly  ferrous 
B Iron initially ferric 

0, Iodi~netric analysis 
0, . Spectrophotornetric analysis 

C
an

. J
. C

he
m

. D
ow

nl
oa

de
d 

fr
om

 w
w

w
.n

rc
re

se
ar

ch
pr

es
s.

co
m

 b
y 

U
N

IV
E

R
SI

D
A

D
 P

O
L

IT
E

C
N

IC
A

 D
E

 V
A

L
E

N
C

IA
 o

n 
11

/1
1/

14
Fo

r 
pe

rs
on

al
 u

se
 o

nl
y.

 



HENDERSON AND WINKLER: TI-IIOGLYCOLIC ACID 

TlME -MIN 

FIG. 5 .  The variation of optical density a t  325 rnp with time when the iron was initially in the ferric 
state. 

Initial concn. TSH 0.01085 M/I. Initial concn. SzOs' 0 0.00400 M/I. 
0.00000 M/l. 

2 4 6 8 1 0 1 2  

TlME - M I N  

FIG. 6. Effect of different initial co~lcentrations of thioglycolic acid on the rate of reaction between 
ferric ion and thioglycolic acid. 

Initial concn. TSH 0 0.00488 M/l. 
0.01220 M/1. 

A 0.00488 M/1. 

proportional to the square of the thioglycolic acid concentration, indicating the over-all 
reaction to be of the fourth order. The effect of sulphuric acid concentration on the 
calculated fourth-order rate constant, kPt ,  is shown in Table IV. 

When the ferric ion and tl~ioglycolic acid were mixed initially in these experiments, a 
blue conlplex was formed which faded rapidly as observed in earlier i~lvestigatio~ls (13, 
14). However, extrapolation of the measured optical densities a t  305 1111 to zero time 
indicated that the optical density of ferric ion was not influenced by thioglycolic acid, 
and hence that ferric ion - tl~ioglycolic acid complexes were highly dissociated. 

The dependence of the fourth-order rate constant on hydrogen ion concentration was 
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TABLE IV 
Variation of k,"', the calculated fourth-order 
rate constant for the ferric ion - thioglycolic 

acici reaction, with the concentration of 
sulphuric acid 

- -- 

k,"' 
[H?SO.II M-? min-I X 10-0) 

determined inore exactly by maliing experiinents a t  various levels of perchloric acid 
when the ionic strength of the reaction mixtures \vas adjusted to 1.00 with sodium per- 
chlorate. The  reaction was follo\vecl by periodically removing a l i q ~ ~ o t s  of the reaction 
mixture and estiinating the ferric ion content colorimetrically as  the thiocyanate corn- 
plex (12). Again the thioglycolic acid concentration was in s~rfficient excess over tha t  of 
ferric ion to  be effectively independent of time. The  fourth-order rate constant, k 4 / ,  was 
founcl to be inversely proportional to  approximately the fourth power of the hydrogen 
ion concentration (Fig. 7). Low concentrations of sulphate ion in these reactioil nlistures 
also caused inhibition (Table V). 

1 I I I I - - 
1.2 1.4 1.6 

LOG CONC. H +  

FIG. 7.  Eliect of perchloric acicl concentration oil k,'. 

'TABLE V 
Erfect of s~ilphuric acid c o ~ i c c ~ ~ t r a t i o l ~  on thc foul-~h-orcler I-ate constallt, kt" (ionic strength = 1.00) 

-- --- - -- -- 

NOTE: Values 01 / i l l ,  n,I~icli were interpolated fro111 Fig. 7, were determined under identical experimental co~iditions except that 
sulpliate ion asas absent. 

The fourth-order rate constant, k4I1', for the ferric ion - thioglycolic acid reaction was 
also determi~led by dividing the rate of formation of dithiodiglycolic acid in persulphate - 
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I-IEXDERSON AND \VINGLER: THIOGLYCOLIC A C I D  1089 

thioglycolic acid reaction mixtures by the product of the square of the ferric ion con- 
centration and the square of the thiogl~~colic acicl conce~~tration. Its value in these re- 
action ~llixti~res \vas approximately 100 times greater tha11 that cleter~ninecl in  systems 
which were identical in every way except that persulpl~ate was absent. 

A briel investigation of the reaction bet\\-een persulphate ion and ferrous ion in the 
absence of thioglycolic acid sho\ved (Table VI) that  the reaction was seco~ld order, and 

Comparison of secoritl-order !-ate co~istants, kl ,  for the ferrous ion - persulpliatc reaction with those 
interpolated f ron~  Fig. 1 

----- 

Ionic 
Initial Initial strength k 1 kl:+ 
[SrOs=] [Fe++] [ S O  [I-12S0.,] (I .  h'1-1 n~irl-I) ( I .  h/1-1 111ir1-1) 

-- 
G) 

"See Fig. I .  

that  the scconcl-order rate consta~its, k l ,  \\.ere in good agreement with those interpolated 
from Fig. I .  The rate of appearance of ferric ion in these reaction mixtures \\;as esti~uated 
from the c l~a~ ige  in optical clensity a t  303 Inp. 

I~ ISCI :SSIoS  

'I'l~ioglycolic acicl in no \vay inl~uencecl the rate of the pel-sulphate ion - ferrous ion 
reaction, \vhe~-eas the presence of persulphate caused the reaction between ferric ion and 
thioglycolic acicl to occur more I-apidly. I t  is apparent that the catalyst cycle for the 
I-eaction between persulphate ion and thioglycolic acid, in the presence of iron, involves 
persi~lpl~ate oxiclation of ferl-011s ion to ferric ion, which is then reclucecl by thiogly- 
colic acid to ferrous ion. 

The mechanism for the reaction between persulpl~ate ion ancl ferrous ion appears to  be 
well establisl~ecl (15, 1 G ,  17). 

S?08 + Fc'+ + Fci-++ + SO,' + SO.,= [I] 

SO.,' + Fe+' -+ Fcf++ + SOi- [2] 

The calculated second-01-cler rate constant, k l ,  obtained in this investigation was approxi- 
mately one-half that obtained bl- Willin~l~s el  al. (16, 17). The cliffere~lce might result 
from the much larger hydrogen ion concentrations (100- to 1000-fold) in the present 
exl,eriments. 

For the reaction between ferric ion and thioglycolic acid the results may be explained 
by postulating the existence ol :I complex containing two ferric ions ancl t\vo thioglycolic 
acicl molec~~les, the reaction I-ate being governed by the first-order decompositio~l of this 
complex. Tha t  complexes in the ferric ion - thiogl~~colic acid system clo exist is i~~clicated 
by the blue color that was produced when the two reactants \\rere mixed initially. Lam- 
from and Nielsen (14) have sho1v11 that the blue complex disappeared by a first-order 
process a t  -3.5' C in n solvent co~lsisting of 6 parts by volunle of ethanol to 10 parts by 
volume of water. I t  would appear, therefore, that the blue complex might well consist 
of two ferric ions and two thioglycolic acid molecules. 
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The inhibition by hydrogen ant1 by sulphate ions suggests that mercaptide and hydrated 
ferric ions were the reactive species and the proposed mechanism is as follows: 

Fe+-+ + SO,- e FeS04+, 

FeSO,+ + SO4" e Fe(SO,)?-, 

Fe+++ + CIO.<- ~f FeCIO.,++, 

Fe+++ + H 2 0  2 FeOH++ + H', 

TSH s TS- + H+, 

For the experiments made in the absence of sulphate ion, the following relation is 
obtained, 

where [ferric] and [thioglycolic acid] represent the total concentrations of ferric ion and 
thioglycolic acid respectively in the reaction mixture. Owing to the relatively large con- 
centrations of hydrogen ion used in these experiments, the concentrations of FeOH++ 
and TS- ions should be small (18, 19), and since complex formation between ferric and 
perchlorate ions occurs only to a very limited extent (20), it follows that 

j [ferric] [Fe+++] 
and 

Therefore 
[thioglycolic acid] = [TSHj. 

(ii) 

I n  the presence of low concentrations of sulphate ion 

[ferric] = [Fe+++][l + K4(S04')] 
and 

(iii) 

The value of I(4, the association constant of the ferric ion - sulphate conlplex, calc~r- 
lated in this manner was approxiinately one-half that  determined by Whitelcar and 
Davidson (21). 

In the reaction mixtures which were 0.05 to 0.15 M in sulphuric acid, the concentration 
of free ferric ion nlay be taken as negligible (21), i.e. 

[ferric] = [Fe+++l[K4(S04=) +K4K5(S04=)?] 
and 
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I t  is interesting to note that  the inechanism for the reaction between ferric ion and 
thioglycolic acid in weakly acidic and in alkaline solution differs lllarkedly fro111 that  
suggested here for the reaction in illore stroilgly acidic solution (14, 22, 23). 

I f  no accouilt is talcen of the relativel>- rapid ferric ion - thioglycolic acid reactioil 
which occurred i l l  the presence of persulphate, the following sequence of reactions nzay 
he suggested for the iron-catalyzed reaction between persulphate and thioglycolic acid: 

S20s + Fe++ - FeTCT + SO, + SO, [I] 

SO.l + Fe+-+ -, Fe+'+ + SO, 

SO.l + TSH -+ TS.  + HSO, 

Fe++' + Sol- F! FcSO.I+ 

FeSO,' + SO,- s Fe(S0.1)2- 

Fe+++ + Hz0 F! FeOHi* + I I -  

TSH * T S  + H+ 

Step [ l ]  was rate controlling in reaction mixtures when the pH was approximately 2, 
but the reduction of ferric ion by thioglycolic was not rapid relative to step [ I ]  in reaction 
mixtures 0.15 M in sulphuric acid. If step [2] is assumed negligible relative to [:3] because 
of the large excess of thioglycolic acid over ferrous ion, the steady-state assulllptioll may 
be applied to the collce~ltratiolls of ferric and ferrous ions to yield the following relation, 

where D represents the optical density of the reaction mixture a t  325 mp, D,, the optical 
density i f  all the iron had been in the ferric state, and E the extinction coefficiellt of ferric 
ion. In actual fact the results from the experilnents made in 0.15 ibf sulphuric acid were 
found to fit the enzpirical equation, 

(vii) 

where [Fe]" represents the concentration of iron i l l  the systenl raised to some power .t 
and [TSHIo, the initial concentration of thioglycolic acid. 

Furtllermore, the values of 

k 
k 1 [Fe] "[TSH:] 

were of the order of 100 times greater than the value of k4"'/kl (Table VII),  owing to the 
influence of persulphate ion on the ferric ion - thioglycolic reaction. 

Additional steps i l l  the reaction sequellce already shown are necessary to explain, not 
only the marlted illflue~lce of persulphate ion 011 the over-all rate, but also the induction 
period ~vhen iron was initially in the ferric state, and the lack of influence by persulphate 
on the rate a t  ~vhich ferric ion concentration is decreased to its stationary value during 
the induction period. A tentative proposal is that  either a sulphate ion radical or a 
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thiyl radical reacts rapidly with a ferric ion - thioglycolic acid coinplex, 

SOr' + Fe  (111) TSH-complex + Fe++ + H +  + TSST + HSO; 

T S  . + Fe  (111) TSH-complex + Fe++ + TSST + H+. 

TABLE VII 

Comparison of the calculated value of k4"'/kl with the value 

k 
k I [ F e l z [ ~ S T  

Initial k 

I11 solutions in which the iron is present initially as  ferric ion, free radicals will not be 
produced a t  zero time, and reactions 1121 and/or [13] will not be important. Due to  the 
production of ferrous ion, however, the persulphate - ferrous ion reaction will begin to 
occur, giving rise to free radicals and hence to  the rapid reactiolls [12] and/or [13]. There- 
fore, during the early stages of the reaction before ferric ion and in all probability the 
free-radical co~~centrat ions become stationary, the rate of reduction of ferric ion by 
thioglycolic acid will increase with time causing a cori-esponding increase in the over-all 
reaction rate, and an induction period will result. However, when the iron is initially in 
the ferrous state, the sulphate ion radicals and ferric ion will be produced a t  zero time, 
and reactions [12] and/or [13] will assulne a n  important role a t  the beginning. 

A si~llilar mechanis~n has been suggested for the uptake of oxygen by ~nixtures of 
ferric ion and thioglycolic acicl in mildly acidic solution (14). 

With existing inforn~atio~l,  it is extremely difficult to determine either the structure of 
the co~nplex which entered illto this reaction or the nature of the radical, whether sulphate 
ion or thiyl, which reacted urith the complex. Because sulphate ion radicals may react 
with both ferrous ion and thioglycolic acid, the situation is even more complex, since the 
relative rates of these two reactions are unknown. 

111 conclusion, i t  is apparent that  to  investigate the u~lcatalyzed persulphate - thiogly- 
colic acid reaction, as was intended originally, the concentration of dissolved iron in the 
reaction il~ixtures, and in all probability the concentration of other metallic ions, would 
have to  be very low. 
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