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The Detection of a Complex Intermediate in the Oxidation of Ascorbic 
Acid by Ferric Ion 
By G. S. Laurence and K. J. Ellis," Department of Physical and Inorganic Chemistry, University of Adelaide, 

South Australia 

The oxidation of ascorbic acid by Fe3+ ion has been studied using the stopped-flow technique in an attempt to 
detect and study the formation of an intermediate. It has been shown that a transient species, believed to be a 
ferric ascorbate complex, and exhibiting a broad absorption band with A,,,. = 560 nm is formed by a two-step 
mechanism. Values of 11 f 6 I mol-1 cm- l  and 0.55 f 0.4 for the extinction coefficient and formation constant 
respectively a t  25 "C have been obtained for the overall complex formation. At 0 "C, the first step in the reaction 
is governed by the law. Rate = k[FeS+] [H,A]. where k has the value of 30 f 10 I mol-1 s-l. The probable mechan- 
ism of both the complex formation and overall redox reaction are discussed. 

FOR many years it has been known that the rate of 
oxidation of ascorbic acid solutions by molecular oxygen 
is increased by reducible metals ions, and that the 
reaction often goes to completion. Thus many analyses 
of both ascorbic acid and metal ions have been devised 
using this f a~ t . l -~  

Different studies on the kinetics of the metal ion 
catalysis have given rise to conflicting opinions of the 
mechanism. For example, in the Cu2+ system, Weiss- 
berger and Luvalle4 have suggested that the rate- 
determining step is expressed by 

HA- + Cu2+ I_) HA' -+ Cui 

(H,A = ascorbic acid, HA- = inonodissociated acid, 
HA* = semiquinone) but Nord5 points out that this 
does not account for the observed dependence of the 
rate on the concentration of dissolved oxygen. Grin- 
stead,6 in studying a model peroxidase system showed 
that the rate of oxidation of ascorbic acid by the FeIrl- 
EDTA complex was determined by a one-electron 
oxidation to a radical intermediate. It was suggested 
that electron transfer might occur via a ferric EDTA- 
ascorbic acid complex, but its existence could not be 
proved. 

Equilibrium evidence for the existence of the complex 
CuHA+ has been obtained by Taqui Khan and Martell 
and they have also suggested7* that the corresponding 
ferric complex may exist as a transient intermediate. 
In  the study of a series of reactions of FerI1 chelates of 
aminopolycarboxylic they proposed a mechanism 
involving a loose combination of the ascorbate anion and 
the oxidising agent. More recently they have reported 
the existence of corresponding vanadyl id and uranyl 7 e  

complexes. 
The kinetics of the reduction of hexacyanoferrate(rrr) 

by ascorbic acid has also received attention, and it is 
believed8 that the rate-determining step is the inter- 
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action between a univalent ascorbate ion and the 
Fe(CN),3- ion. 

It was felt that the slight differences in proposed 
mechanisms may have been due to the variety of metal 
species in solution, particularly where buffer solutions 
were used to maintain high pH values, and to the 
possibility of there being both a direct redox reaction 
between Mz+ and reductant, and a metal ion-catalysed 
oxidation of ascorbic acid by molecular oxygen. The 
present study attempts to clarify the situation for the 
Fe3+ system by using degassed solutions to lower the 
oxygen content, low pH values to avoid the inter- 
ference of the various hydroxy-species, and with particu- 
lar attention to the detection of any transient inter- 
mediates. 

EXPERIMENTAL 

All solutions were prepared from demineralised water 
which was distilled successively from alkaline potassium 
permanganate and acidified K,Cr,O, in an all-glass appara- 
tus. Ferric solutions were prepared from Fe(C10,), (G. 
Frederick Smith) which was purified by three recrystallis- 
ations from HClO, (AnalaR) . Ferric concentrations were 
determined by stannous chloride reduction and titration 
with KMnO,, and the acid was analysed by titration to 
pH = 9 with freshly prepared NaOH. Stock HClO, 
solutions were determined volumetrically using sodium 
tetraborate. Sodium perchlorate solutions which were 
used to adjust the ionic strength were prepared from 
NaClO, (B.D.H., low in chloride). 

The ascorbic acid was B.D.H. biochemical grade L- 

ascorbic acid which was stored at  O "C. Solutions of known 
concentrations were made by accurately weighing out the 
required amount and dissolving this quickly in perchlorate 
solutions. Fresh solutions were prepared prior to each 
experiment. 

All kinetic experiments were performed on a spectro- 
photometric stopped-flow apparatus similar to the design of 
S t ~ r t e v a n t . ~  The dead time of the instrument was approxi- 
mately 5 ms, and the optical path-length of the observation 
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cell was 2 mm. The whole apparatus could be thermo- 
statted to  within 0.05 "C. Absolute optical densities were 
calculated by comparison with some point on the trace 
(usually a t  t = 0 or t = 00) for which the O.D. could be 
measured statically. 

Prior to use, all solutions were degassed by melting the 
frozen solution in vaczto, refreezing, evacuating, and melting 
in zlacuo. The concentration of dissolved gases was thus 
reduced by ca. 98% for each cycle. As well as preventing 
cavitation in the mixing chamber, this reduced the con- 
centration of dissolved oxygen to something less than 10-%. 

RE S C LTS 

The Ouerall Reaction.-The stoicheiometry has previously 
been reported 6770 as the reduction of two moles of Fe3' for 
every one mole of ascorbic acid oxidised. 

i.e. 2Fe3' + H,A + 2FeZ+ + 2H' + A (1) 
(H2A = ascorbic acid ; -4 = dehydroascorbic acid) 

This was confirmed in the present study by adding a known 
concentration of ascorbic acid to a soltition of Fe3+ ion, 

= 3  :: ' coo 500 600 

Alnml  
FIGURE 1 Spectrum of the intermediate species, [Fe3+] = 2.5 x 

10-*M; [H2A] == 5 x 1 0 - 2 ~ ~ ;  [HClO,] = 0 . 2 ~ .  Temp. = 
25.0 "C; Time after mixing = 0.4 s (corresponds to maximum 
complex formation) 

and measuring the change in Fe3+ concentration colori- 
metrically using the ferric thiocyanate method. 

Since neither the reactants nor products showed any 
appreciable light absorption at  wavelengths greater than 
400 nm, the kinetics of the overall reaction (1) could only be 
studied a t  lower wavelengths. Because of the stray light 
transmitted by the optics of the instrument in the U.V. 
region (10% a t  A = 320 nm), it was not possible to calculate 
optical densities very reliably in this wavelength region, 
but some kinetic runs were monitored at  A = 340 nm, and 
these showed that a t  25 "C, using O-~M-H-', 2.5 x 10-2~-Fe3f 
and ascorbic acid concentrations in the range 2 x 1 0 - 2 ~ ~  to 
5 x 1 0 - 2 ~ ,  the first half-life was of the order of 500 ms, with 
a dependence on ascorbate Concentration. 

Detection of the CoEouved Intermediate.-On mo fiitoring 
the reaction with light in the wavelength range 450 to 650 
nni, there was found to be an initial rapid increase followed 
by a slower decrease in optical density. The maximum 
optical density reached was wavelength dependent for a 
given set of reactant concentrations, and by observing the 
change in absorbance as a function of wavelength, the  
spectrum at  any time could be compiled with the result 
shown in Figure 1. 

In many cases there was considerable colour formed 
during the dead time of the instrument, but accurate 

optical densities were measured by reference to the infinite 
time value for complete reaction which was shown inde- 
pendently to be zero optical density. Blank runs exclud- 
ing one or the other of the reactants showed that the above 
effect was due to reaction between ferric ion and ascorbic 
acid. 

Variation of Fe3? and H2A at 25 "C.-The effect of 
changing the H,A concentration on the formation of the 
intermediate is shown in Table 1. As well as the x-ariation 

TABLE 1 
Variation of H2A in intermediate formation. 

A = 560 nm; Hf = 0.231 
t = 3' O C  ; 

liun Ionic 
No. [I;e3-k] (ar) [H,X] (&I) strength 

(1)  2.5 x 10-2 10 x 10-2 0.6 
(2) 2.5 x 10-2 5 x 10-2 0.5 
(3) 2-5 x 10-2 2.5 x 10-2 0-5 

(0) 5 x 10-2 50 x 10-2 1-0 

(7) 5 x 10" 20 x 10-2 1.0 
(8) 5 x lo-? 8 x 10-2 1.0 

(10) 5 x 10-2 4 x 10-2 1.0 
(11) 5 x 10-2 2 x 10-2 1.0 

(a) 2.5 x lo-' 1.?5 x lo-* 0.5 

(6) 5 x 40 x 1.0 

(9) 5 x 6 x 1.0 

O.D., 5 

0.0054 
0.0024 
0.001 7 
0.001 1 
0-0478 
0.0419 
0.0207 
0.0116 
0*0070 
0*0050 
0.0028 

0.D.rnax.  
0.01 12 
0.0063 
0.0033 
0*0017 
0.0749 
0.0660 
0.0395 
0.0204 
0.01 25 
0-0090 
0.004 1 

a Optical density reached in instrument dead time. 
b Maximum optical density attained prior to slon- fading 
reaction. 

in O.D. with concentration, note should be made of the 
relatively large extent of reaction which occurred within 
the instrument dead time. When compared with the time 
taken to reach maximum O.D. (order of hundreds of ms), 
i t  is apparent that the formation of the colour may well 
occur via two steps. Similarly, Table 2 shows that there is 

TABLE 2 
Variation of Fe3+ in intermediate formation. t = 25 "C; 

O.D., O.D.max. 
A = 560 nm; ionic strength = l.Oiv, H' = 0 . 2 ~  

[H,Al (bf) Run No. [Fe3+j(nr) 
(12) 10 x 10-2 20 x lo-* 0.0439 0.0781 

8 x 10-2 20 x lo-' 0.0332 0.0629 
6 x lo-' 20 x lo-' 0.0200 0.0439 
4 x 10-2 20 x lo-? 0.0158 0.0303 
2 x 10-2 20 x 0.0070 0.0120 

(13) 
(14) 
(15) 
(16) 

TABLE 3 
Study of the first step of intermediate formation a t  0 "C. 

A = 560 nm; ionic strength = 1 . 0 ~ :  H+ = 0 . 2 ~  
Initial 
rate 

(O.D. Estimated a 
Run No. [Fe3+](31) H,A(ar) per s)  O.D,,,. 

2 x 10-2 50 x 0.75 0.0076 
5 x lo-' 50 x 2.20 0.0200 

50 x 10-2 4-24 0.0400 
(20) 10 x 10-2 5 x 10-2 1.25 0.0140 
(21) 10 x 10-2 3 x 10-2 0.14 0.0024 
(22) 10 x 10-2 1 x 10-2 0.10 0.0017 

a See text. 

(17) 
(18) 
(19) 10 x 10-2 

linear dependence of the optical density on ferric concentra- 
tions although it is not possible to make meaningful kinetic 
measurements because of the very fast initial step in the 
complex formation. 

Complex Fovmzation at 0 OC.-Reduction of the tempera- 
ture to 0 "C reduced the overall reaction rate by a factor of 
ca. 25, but the first step in complex formation was still onll- 
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niarginally observable. Using the most sensitive scales of 
the instrument and a limited range of concentrations, it  was 
possible to observe the initial part of reaction, and to 
estimate approximately the maximum optical density 
which would have been reached, had only the first step been 
involved. 

The dependence of this part of the reaction on the 
reactant concentrations a t  0 "C is shown in Table 3. 

DISCUSSION 

The detection of an absorption band other than those 
due to reactants or products shows that some other 
species is present during the course of the overall re- 
action. Figure 1 shows the species to have a broad 
absorption with A,,, 2: 560 nm, and the data in Tables 1 
and 2 suggest that it may not be formed by a simple one- 
step process. Even though it was not possible to study 
the rate of formation of the intermediate a t  25", the 
dependence of the extent of its formation under differing 
concentration conditions is of considerable interest. 

The following discussion only applies strictly to a 
system in which complex formation occurs to some well- 
defined equilibrium state a t  infinite time. In  the 
present study this is not possible because of the subse- 
quent decay of the intermediate. For the purpose of 
discussion, however, the assumption is made that the 
measured maximum optical density does correspond 
closely to what the equilibrium value would be, in the 
absence of the decay. From a consideration of the 
rate profiles, we consider that in most cases this assump- 
tion is valid within the limits of experimental uncertainty, 
and even in the extreme, is good to within 10-ZO~o. 

From Tables 1 and 2 it can be seen that the amount of 
intermediate formed is dependent on the concentrations 
of both reactants, suggesting that the species involved is 
a product of reaction between Fe3' and H2A. Since 
I . , , , , ,  corresponds closely to that of the d-d absorption of 
the aquated Fe3+ ion, it is not unreasonable to postulate 
that the intermediate is a complex of Fe3+ ion with some 
forin (associated molecule or dissociated anion) of 
ascorbic acid. On this basis it is possible to calculate 
both the formation constant and extinction coefficient 
of the 1 : 1 complex. Although a higher order complex 
is possible, the available data indicates that the 1 : 1 
complex predominates under the experimental conditions 
used. 

For reasons mentioned above, most experiments were 
carried out at relatively high acid concentrations, but a 
few runs at lower acidity showed a marked increase in the 
estent of complex formation, which is interpreted as 
indicating that the ligand present in the complex is 
probably HA-. Previous investigators 497b have also 
suggested that the intermediate is FeHA2+, and not 
FeH2A3 -. 

K ,  

Ka 
1 .C. Fe3k + H2A + FeHA2+ +- H+ (2) 

(3) H" + HA- + H,,4 
or Fe3 -+ HA- === FeHA2+ (4) 

If the initial concentration of Fe3+, H2A and H+ are 
given by a, b, and c respectively, and the equilibrium 
concentration of FeHA2+ is x, it is possible to derive 
equation (5), making the assumption that c + x 2: c, and 
that FeHA2+ is the only species significantly absorbing 
light a t  560 nm. 

(E  = extinction coefft., I = path length of observ- 
ation cell). 

a . b  
O.D. Figure 2 is a plot of - u m u s  (a + b) for runs 1 to 4, 

and from this, values of E and K, are found to be 
11.0 1 mol-l cm-l and 0-55 respectively. Using these 

0 5 10 
( a * b l  x 10' 

FIGURE 2 Determination of E and K l ;  plot of equation ( 5 )  

values, the complex concentration in Run 1 is calculated 
to be only Z$yo of the total [H+], showing the approxima- 
tion c + x 21 c to be valid. 

It must be noted that the measured optical densities 
are only 0.01 or less and are not measured relative to a 
reference cell as in normal spectrophotometry, so that 
the values are subject to 5-1oy0 error. In addition, 
the assumption that O.D.J,l,x. corresponds to the full 
extent of complex formation must lead to some in- 
accuracy in the value of K,. 

A consideration of these possible errors shows that the 
values of E and K,  can only be quoted as 11 6 1 mol-l 
cm-l and 0.55 & 0.4 respectively, 

Table 4 shows the values of I<, which are obtained for 
the other runs when using E = 11 and taking into 

11 
h'l 

0.44 
0.80 
0.53 
0.61 
0.6 1 
0-40 

account the term c -+ x 21 c where necessary. Despite 
the variation, all values are within the limits quoted 
above. 

At 0 "C, reaction was sufficiently slow to enable us to 
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make rate measurements on the initial step of the com- 
plex formation. The results in Table 3 indicate that 
both the initial rate and the extent of colour formation 
for the first step are proportional to the first power of the 
Fe3+ concentration. The changes in runs 19-22 are so 
small as to be subject to very large errors, but the 
results suggest that the rate is dependent on H2A 
concentration to  the first power only. 

Assuming a rate law of the form Rate = k[Fe3+][H2A] 
a value of 30 5 10 1 mol-l s-l can be calculated for k at  
0 "C. It is clear that two stages are involved in the 
formation of the intermediate, and since the shape of the 
spectrum does not change appreciably, it is felt that the 
second step involves some rearrangement of the complex 
formed initially. The possibility of a diascorbate com- 
plex cannot be ignored, but the dependences on H2A tend 
to indicate that its formation is negligible. In all cases 
the optical density at the end of the first stage is ca. 
0&--0-7 times the O.D.max., regardless of the reactant 
concentrations. If the second complex was involved, it 
would be expected that at high ascorbate concentration, 
the ratio [Znd complex] : [lst complex] would be much 
larger than at low ascorbate concentrations. 

Carlyle and Espenson lo have discussed a similar two- 
step complex formation in the case of the monobromo- 
iron(II1) ion. Some of their evidence was obtained in the 
same way as in the present study, and they have been 
able to show by independent experiments that the steps 
involved are the rapid formation of an ion pair, followed 
by the slower formation of an inner-sphere complex. 
They point out that it is not possible to say whether the 
ion pair is the precursor of FeBr2+. 

It may be that this type of process occurs in the 
Fe3+-H2A system, but there is yet another possibility 
to be considered. The ascorbate molecule can be thought 
of as a bidentate ligand, and the two steps could be the 
formation of the monoassociated complex followed by 
closure of the chelate ring. It is difficult to estimate the 

Fe3+ + H2A 4 H+ + Fe*HA2+ (6) 
monoassociated complex 

chelated complex 
Fe*HA2+ =+ FeHA2T ( 7 )  

relative rates of the two steps in the process because of 
their mutual interaction, and the interaction of the final 
steps in which the colour fades, hence the use of initial 
rates in attempting to measure the rate constant for the 
first step only. 

The values of Kl and E refer to the overall formation 
of the blue colour. If one accepts the chelating mechan- 
ism, and assumes that at the point of maximum optical 

density virtually all the complex exists in this form, then 
K, and E refer directly to the chelated complex. If 
however, the equilibrium constant for reaction (7) is 
small, then the optical density is due to both species, 
and it would not be possible to separate the two terms. 

A similar argument holds for the ion pair to inner- 
sphere reaction. Carlyle and Espenson lo showed that 
for the Fe3+/Br- system, the formation constant of the 
ion pair is considerably larger than for the inner-sphere 
complex, and in that case it was only possible to separate 
the two extinction coefficients and dissociation constants 
by independent determinations of one or the other. 

The Overall Reaction.-It is unfortunate that the 
properties of the intermediate complex are such as to 
make a complete analysis very difficult. It is clear 
however, that the reaction does proceed via an inter- 
mediate, and the values obtained for the formation 
constant, extinction coefficient, and rate of formation 
are all of the expected order of magnitude for the 
suggested complex. 

Following the slower rearrangement of the complex, 
it is proposed that there is an intramolecular electron- 
transfer from ascorbate to ferric ion. The reduced metal 
complex then dissociates to produce Fe2+ and an ascorb- 
ate radical which undergoes further rapid reaction with 
another Fe3+ ion to produce another Fe2+ ion and the 
dehydroascorbic acid: to yield overall two moles of Fe2+ 

FeHA2+ (Fe2+ . HAo) (8) 
(l?e2+ - HA*) + Fe2+ + H+ + A*- (9) 

A'- + Fe3+ Fe2+ + A (10) 
for every mole of ascorbic acid oxidised. Preliminary 
experiments indicate that it may be possible to ' stabi- 
lise ' the blue complex to some extent by freezing the 
solution rapidly on mixing, or by adding a large excess 
of Fe2+ ion which presumably exerts its effect by the 
reverse of equation (9). 

For the proposed process to occur, it is unnecessary 
for a transition state containing more than one Fe3+ 
ion and one ascorbate molecule to be formed and yet 
the 2 : 1 stoicheiometry is readily explained. If the 
mechanism is correct, a further study of the rate of the 
overall reaction should indicate a first-order dependence 
on both Fe3+ and H,A concentrations. 
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