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Abstract

The oxidation of hexacyanoferrate(ll) ion by a large excess of hydrogen peroxide, in slightly
acidic aqueous media containing potassium dihydrogen phosphate (pH 5.10 £ 0.05), was
followed by monitoring the increase of absorbance at 420 nm as the colorless Fe(ll) complex
gradually evolved into the yellow Fe(lll) complex. The reaction was inhibited by OH-
containing organic compounds, either alcohols or carbohydrates, and two different inhibition
pathways were observed, an iron(l11)-independent pathway (rate constant ki) and an iron(l11)-
mediated pathway (rate constant k2). A BASIC-language computer program was developed in
order to use the fourth-order Runge-Kutta integration method to obtain the concentrations of
the Fe(ll)-inhibitor complex and the Fe(lll) reaction product. Rate constant ki, whose value is
determined by that of the initial rate, decreased slightly as the concentration of alcohol /
carbohydrate increased, and a mechanism involving the formation of hydroxyl radicals in a
Fenton-like reaction and its posterior scavenging by the organic antioxidant additive has been
proposed. Of the 8 inhibiting agents that were tried, the most potent antioxidant under the
experimental conditions of this study was D-mannitol. Rate constant k2, whose value is a
measurement of the deviation from a pseudo-first order behavior provoked by the inhibiting
agent, increased notably as the concentration of the latter increased, and a mechanism
involving the complexation of the Fe(lll) product by the organic inhibitor and its posterior
outer-sphere one electron reduction from hexacyanoferrate(ll) ion has also been proposed.
This might result in a blockage of the regeneration of pentacyanoaquaferrate(ll) ion, an

intermediate believed to be essential for the redox reaction to take place.
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Introduction

The oxidation of hexacyanoferrate(ll) ion by hydrogen peroxide, following the overall

stoichiometry:

2[Fe"(CN) J* + H,0, + 2H* —— 2[Fe"(CN),*" + 2H,0 (1)

has puzzled chemical kinetics workers for decades because of its complexity and lack of a
good reproducibility. This anomalous behavior is thought to be caused by the hydrolysis of
the initial hexacyano complex [1], involving the replacement of a cyanide ligand by a water

molecule to yield an aquapentacyano species:

[Fe"(CN)]* + H,O == [Fe"(CN);(H,0)P" + CN- 2

Given that the hydrolyzed complex is known to react with hydrogen peroxide much faster
than the non-hydrolyzed one, the initial rate of the redox reaction shows a strong dependence
on the time elapsed between the preparation of the reductant aqueous solution and the
beginning of the Kinetic process. Moreover, the fact that Eq. 2 presents a notable
photochemical activation [2] makes the reproducibility problems even worse, since the initial
rate depends also on the illumination of the laboratory when the experiment is performed.

On the other hand, the reactions of hydrogen peroxide with metal ions and their complexes
are interesting, not only from the point of view of pure chemistry but also because of the
biological implications. Actually, hydrogen peroxide is one of the metabolites formed inside

the cells of aerobic organisms after the oxygen uptake, its reactions with transition metal ions



in their lower oxidation states leading to the formation of the extremely dangerous hydroxyl

free radicals [3-5]:
M#* + H,0, —— M@+ HO™ + HO 3)

whereas its reactions with transition metal ions in their higher oxidation states lead to the

formation of the also dangerous superoxide radicals [6 —8]:
MED* + H,0, —— M#%+ 2H* + O,~ 4)

the metal M usually being either Fe (Eg. 3 called then the Fenton reaction [9—14]) or Cu (Eq.
3 known then as a Fenton-like reaction [15—17]).

Since iron(lll) salts are insoluble in all but very acidic agueous media, the addition of an
appropriate ligand such as cyanide ion presents the advantage of keeping the oxidation
product of Fe(ll) in solution [18]. In particular, the reaction between hexacyanoferrate(ll) and
hydrogen peroxide has been reported to be strongly inhibited by well-known chelating agents
as EDTA and oxalate ion [19]. Although the authors interpreted their results assuming that the
inhibitors act as scavengers of trace metal impurities that would play the role of catalysts, this
would be tantamount to accepting that the reaction in the absence of those impurities would
be almost non-existing, and other interpretations are indeed possible. We intend to work
starting from a different hypothesis: complexation of either the reactant hexacyanoferrate(ll)
ion or the reaction product hexacyanoferrate(l11) ion by the added inhibiting agent precludes
the formation of pentacyanoaquaferrate(ll) ion, [Fe(CN)s(H20)]*" (see Eq. 2), the latter
complex being suspected to be an essential intermediate for the oxidation by hydrogen
peroxide to take place. In the case of the reaction product, that formation would presumably

occur by Fe(Il)-Fe(l11) direct outer-sphere electron transfer [20 —22]:



[Fe"(CN) 1* + [Fe" (CN)s(H,0)]* — [Fe"(CN) >+ [Fe"(CN);(H,0)F~ (5)

Thus, if pentacyanoaquaferrate(Ill) ion is formed as a reaction product, Eq. 5 leads to the
regeneration of the active form of the reducing agent, pentacyanoaquaferrate(ll) ion.

Actually, EDTA and other chelating agents are used in medicine to treat the morbidity and
mortality due to the iron overload syndrome, such as the one resulting from frequent and
long-term blood transfusions to remediate the anemia observed in thalassemia patients
[23 —26]. This therapeutic effect might be related to the inhibition of the intracellular Fe(ll)-
hydrogen peroxide reaction (Eq. 3), thus preventing the formation of hydroxyl free radicals.

In the present work, we will try to substantiate the alternative hypotheses consisting in the
complexation of either Fe(ll) or Fe(lll) by the chelating agent. To that end, a kinetic study of
the inhibiting effect exerted by several polyalcohols and other related compounds on the title

reaction will be carried out.

Experimental
Materials and methods

All the experiments were done using as solvent water previously purified by deionization
followed by treatment with a Millipore Synergy UV system (milli-Q quality, K =0.05 uS/cm

at 25.0°C). The reactants required to carry out the redox reaction were potassium
hexacyanoferrate(ll) trihydrate: Ks[Fe(CN)s]-3H2O (Merck) as reducing agent and hydrogen
peroxide: H.O> (Sigma-Aldrich) as oxidizing agent. Other chemicals used were potassium
hexacyanoferrate(l11): Ks[Fe(CN)s] (Merck) to study the potential effect of the oxidation
product at the beginning of the redox process and potassium dihydrogenphosphate: KH2PO4
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(Merck) as a source of hydrogen ions for the acid-catalyzed reaction. The compounds tried as
possible inhibitors were methanol: CH30H (Sigma-Aldrich) and the polyalcohols 1,2-
ethanediol: CH,OH-CH>OH (ethylene glycol, Sigma-Aldrich), 1,2,3-propanetriol: CH>OH-
CHOH-CH20H (glycerol, glycerine, Sigma-Aldrich), 1,2,3,4-butanetetrol: CH>OH-
(CHOH)2-CH20H (L-threitol, Sigma-Aldrich), 1,2,3,4,5-pentanepentol: CH2OH-(CHOH)s-
CH20OH (adonitol, Sigma-Aldrich) and 1,2,3,4,5,6-hexanehexol: CH20OH-(CHOH)4-CH,0OH
(D-mannitol, Sigma-Aldrich), as well as the carbohydrates of the monosaccharide type a-D-
glucopyranose: CeéH1206 (D-glucose, dextrose, Sigma-Aldrich) and of the disaccharide type -

D-Fructofuranosyl a-D-glucopyranoside: C12H22011 (sucrose, Sigma-Aldrich).

Instrumentation

The pH measurements were done by means of a Wave pH-meter, provided with a digital
presentation until the second decimal figure (x 0.01 pH) and a combination electrode,
calibrated with the aid of commercial buffers of known pH (4.00 and 7.00, Sigma-Aldrich).
The temperature was kept constant by means of a thermostatic bath provided with a digital
reading (x 0.1 °C). The kinetic runs were followed measuring periodically the absorbances at
420 nm with a Shimadzu 160 A double beam UV-Vis spectrophotometer (+ 0.001 A), using a
quartz cell of 1 cm optical path length. At that wavelength both reactants hexacyanoferrate(ll)

ion and hydrogen peroxide are transparent (yielding a colorless solution) but the oxidation

product hexacyanoferrate(l1l) ion shows an absorption peak (& = 1015 M cm™ [27], yielding

a yellow solution).



Kinetic experiments

The reducing agent, Fe(ll), was the last reactant to be added (1 mL of the desired
concentration) to a thermostated aqueous solution containing all the other required chemicals
(24 mL), and its solution (in previously thermostated water) was prepared right before the
reaction started. The total volume of the reaction mixtures was thus fixed at a constant value
in all the experiments (25 mL). In order to avoid as much effect of the laboratory illumination
on the reaction rate as possible, aluminum foil was used to wrap around all the 1-mL pipette,
the 50-mL volumetric flask containing the Fe(ll) solution and the 100-mL Erlenmeyer flask
containing the reacting mixture. The oxidizing agent, hydrogen peroxide, was always in great
excess with respect to the reducing one, hexacyanoferrate(ll) ion (isolation method). The
absorbances were periodically measured (time interval: 10 s) during 16 minutes (99 values).

In total, 255 Kinetic runs were performed.

Results and discussion

Experimental absorbance-time plots

The profiles of the A(420) vs. t plots obtained when monitoring the formation of the reaction
product, Fe(lll), showed a downward-concave curvature due to the rate decrease caused by the
decay of the concentration of the limiting reactant, Fe(ll). The plots recorded in the initial
absence of Fe(lll) revealed also that the inhibiting agent (in this case D-mannitol) had little
effect on the initial rate, but the inhibition was more pronounced as the reaction advanced
(Fig. 1), suggesting that the oxidation product, hexacyanoferrate(lll) ion, had an important

contribution to the experimentally observed effect. This was confirmed by performing some



kinetic runs in the initial presence of Fe(lll), revealing that addition of the polyalcohol

managed then to slow down the reaction from its very beginning (Fig. 2).

Kinetic model for the inhibited reaction: differential equations

Some trials have been made in order to explain the inhibition experimental data. The one for

which the best results were obtained was based on the following simplified mechanism:

K
I | i

Felll + ROH A) Felll_ ROH (7)
Fe' + Fe" ~ROH —Xu_, Fe' + Fe'— ROH (®)

In Eq. 6 we have schematically represented the oxidation of hexacyanoferrate(ll) ion by
hydrogen peroxide (yielding a hydroxyl free radical and a hydroxide ion). On the other hand,
Eq. 7 corresponds to the complexation of the hexacyanoferrate(lll) ion formed in the previous
reaction by the OH-containing (either alcohol or carbohydrate) species used as inhibiting
agent, whereas in Eqg. 8 we have the outer-sphere transfer of one electron from iron(ll) to the
iron(lll)-inhibitor complex to yield and iron(ll)-inhibitor complex. This model mechanism
assumes that the latter complex does not react with hydrogen peroxide, at least not as readily

as the free, non-ROH complexed iron(ll) species does.

The differential kinetic equation associated with Eq. 6 can be written as:

v, = k [Fe"] )



Equation 7 can be treated as a quasi-equilibrium [28] provided it is fast enough in both
directions in comparison to the global hexacyanoferrate(ll) ion-hydrogen peroxide redox
reaction (condition indeed fulfilled given that Eq. 6 is a slow step). This leads to the following

differential equation for the step represented in Eq. 8:

K, Ky [Fe"] [Fe"]; [ROH]

Vi = 1+K, [ROH]

(10)

where the total concentration of iron(lll) (free form + complexed form), the one

experimentally accessible from the absorbance readings, is calculated as:

[Fe"]; = [Fe"'] + [Fe" — ROH] (11)

Kinetic model for the inhibited reaction: point-by-point numerical integration

Equations 9 and 10 can be rewritten as:

v, = k[Fe"] (12)
v = k, [Fe"][Fe"]; (13)
where the concentrations on the right side of the equations are only those changing with time,
one decreasing and the other increasing, whilst the symbols k; and Kk, are used with the
objective to discern between what we could call microscopic rate constants (K, and k) and

the macroscopic ones, the latter being given by:
k = k (14)

KII I(III [ROH]

27 1+K,[ROH] (15)




k, being a pseudo-first order rate constant (in s*) since it depends on the initial concentration
of hydrogen peroxide (in large excess), whereas K, is a pseudo-second order rate constant (in
M s1) provided the inhibitor ROH is also in large excess.

An approximate point-by-point integration procedure (fourth-order Runge-Kutta method
[29]) was implemented with the aim of obtaining the values of the concentration of the
iron(Il)-inhibitor complex and that of the total concentration of iron(lll). The concentration of
free iron(ll), the only one assumed to react with hydrogen peroxide and required in Egs. 12

and 13, was then obtained as:

[Fe"] = [Fe"],— [Fe"]; — [Fe" — ROH] (16)

The absorbance of the reacting mixture at 420 nm could be deduced by application of the
Beer-Lambert law to the light-absorbing species at that wavelength, the reaction product

iron(I11):

A, = g [Fe"] | (17)

where ¢, is the molar absorption coefficient and | the optical path length.

A computer program was written in BASIC language to perform the required calculations.
In this program two main subroutines were coded, one in charge of the numerical integration
of the differential equations (Egs. 12 and 13), and the other starting with some trial values of
three fitting parameters, the initial absorbance and the two macroscopic rate constants (AM :

k, and k,), and varying them systematically until the best fit was found. This was defined as

the one that minimized the average error given by:
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N
Z‘A,cal a 'Aﬁ,exp
E = t N (18)

where and are the calculated and experimental values of the absorbance at
,cal exp

different instants during the course of the reaction, respectively, and N = 25 is the number of

absorbance-time couples of experimental data recorded for each kinetic run. The program so
developed yielded a good concordance between the calculated and experimental absorbances.

Actually, depending on the experimental conditions, the average error spanned within the

range E = (2.20 -6.81) x 10™.

In a typical kinetic run, performed in the presence of D-mannitol as inhibitor, the
concordance between the theoretical and experimental absorbances was excellent (E = 3.06 x
10%) provided the fit was limited to the first 4 minutes (N = 25 points), although a clear
deviation could be observed afterwards, since the extrapolated theoretical rate decreased
much faster than the experimental one (Fig. 3). This divergence between theoretical model
and experiment suggests that the Fe(ll)-inhibitor complex formed in Eq. 8 can also react with
hydrogen peroxide, but with a rate constant much lower than that corresponding to the

inhibitor-free Fe(ll) complex (K,, Eq. 6). Alternatively, the reaction depicted in Eq. 8 could be

reversible, although with a rate in the backward direction much lower than that in the forward
one. However, given the difficulty of obtaining reproducible kinetic measurements that is
inherent to the hexacyanoferrate(ll)-hydrogen peroxide reaction (due to the photochemical
replacement of a cyanide ligand by a water molecule), the use of a three-parameter

mathematical model makes more sense than the use of one involving an excessive number of

11



fitting parameters (that would certainly oversize the accidental random errors), even if the

former should be considered just as a reasonable approximation to the real kinetic behavior.

Determination of equilibrium constant Ky

The log K, vs. log [ROH], linear plots yielded slopes within the 0 < slope < 1 range in the
eight cases that were studied. This result suggested a complexation of Fe(lll) by the organic
compound, so that the lower the value of the slope the higher the corresponding value of the
associated equilibrium constant. Taking logarithms in Eg. 15, an easy mathematical

transformation leads to:

log {kz (L+K, [ROH])} = log (K, ky) + log [ROH] (19)

Thus, provided we know the value of equilibrium constant Ky, a graphical representation of
the left-hand side of Eq. 19 as a function of the logarithm of the inhibiting agent concentration
should yield a linear plot with a slope equal to 1. Different values of that equilibrium constant
were tried in a systematic way until the desired slope was attained. This fact allowed us to

obtain Ky, for the different inhibiting agents that were tried.

Inhibition effect: kinetic study

The effect of six alcohols (methanol, ethylene glycol, glycerol, L-threitol, adonitol and D-
mannitol and two carbohydrates (D-glucose and sucrose) on the rate of hexacyanoferrate(Il)-

hydrogen peroxide reaction was investigated. Whereas rate constant K, decreased slightly in

all eight cases as shown for the case of D-mannitol (Fig. 4, top), rate constant K, increased
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notably (Fig. 4, bottom). Since, given their corresponding definitions, K, favors the
hexacyanoferrate(Il)-hydrogen peroxide reaction, whereas K, opposes to that process, both

behaviors indicate the existence of a kinetic inhibition by the OH-containing organic

compound. Thus, the effect on K, corresponded to an iron(Ill)-independent inhibition
pathway, whereas that on K, corresponded to an iron(IIl)-mediated inhibition pathway.

A series of experiments with a variable initial concentration of D-mannitol was performed
with the reaction product, hexacyanoferrate(lll) ion, already present at the beginning of the
kinetic runs. The resulting double logarithm plots indicated a more pronounced decrease of
rate constant ki (slope: — 0.073 % 0.009) than when Fe(lll) was initially absent (slope: —
0.041 + 0.005), as shown in Fig. 5, top. With respect to ko, the increase observed with
increasing alcohol concentration when Fe(lll) was initially absent (slope: 0.45 + 0.05) seemed
to fade away when hexacyanoferrate(lll) ion was added to the reactant mixture at t = 0, so that
a horizontal straight line was obtained (slope: — 0.01 £ 0.02), as can be seen in Fig. 5,

bottom.

The values obtained for the slopes of the log K; vs. log [ROH], and log K, vs. log [ROH],
linear plots, slope (K;) and slope (K, ), as well as those obtained for the equilibrium constant
K,, and the microscopic rate constant K,, are compiled in Table 1. Despite the considerable

magnitude of the experimental errors associated with those parameters, it seemed that slope

(K,) decreased with an increase of the number of carbon atoms in the inhibiting agent
molecule (Fig. 6, top), whereas K|, increased (Fig. 6, middle) and K, was essentially

independent of that number (Fig. 6, bottom). The high random errors observed in this study
were a direct result of the degree of irreproducibility coming from the photochemical

hydrolysis of the hexacyanoferrate(Il) ion to yield the active reducing agent,
13



pentacyanoaquaferrate(Il) ion, rendering difficult to reproduce an exact initial concentration

of the latter.

Iron(l111)-independent inhibition pathway: mechanistic interpretation

In order to explain the otherwise minor decreasing effect exerted by the alcohol /

carbohydrate inhibiting agent on the initial reaction rate through rate constant K, we need to

postulate the following set of elementary chemical steps:

[Fe"(CN)J* + H,O* —Xv, [Fe"(CN).(H,O)F + HCN  (20)
[Fe" (CN), (H,O)F+ H,0, —Y [Fe"(CN)(H,0)>+ HO* + HO~ (21)
HO" + [Fe"(CN) " s [Fe(CN),(H,O) + CN- (22

HO' + RHOH —i, HO + ROH 23)

R-OH + [Fe"(CN)J* X,  RHOM + [Fe(CN), P~ (24)
R'OH + H,0, —fX, RHOH + HO, (25)

2HO, —K<, H,0,+ o0, (26)

The reaction proposed in Eq. 20 is consistent with the available experimental information
on the dramatic enhancement of the reaction rate resulting from the substitution of a cyanide
ligand by a water molecule in the reactant complex [2]. Equation 21 is a typical Fenton-like
reaction yielding a hydroxyl free radical [15—17]. We have also proposed a competition
between hexacyanoferrate(ll) ion [30] (Eg. 22) and the organic compound tested as inhibiting

agent (Eg. 23) to reduce the previously formed and highly oxidizing hydroxyl radical in two
14



parallel reactions. In the latter, the hydrogen atom transferred from the alcohol / carbohydrate
to the hydroxyl radical is preferentially that bonded to the carbon atom supporting the OH
group, so that a secondary carbon-based free radical is formed [31]. Again, we have proposed
two new parallel reactions in which hexacyanoferrate(ll) ion (Eqg. 24) and hydrogen peroxide
(Eq. 25) compete to reduce the organic free radical. The latter yields the hydroperoxyl radical
(protonated form of the superoxide radical) that dismutates in the final step (Eq. 26) [32, 33].

By application of the steady state approximation to the free radicals involved in the
mechanism, the equation obtained for the pseudo-first order rate constant is:

‘= 1 d [Fe"]
' [Fe"(CN)*"], dt

= a, k, [H,0,] {1 + %J @7)

2

with:

kVII kVIII[FeII (CN)64_] [RHOH]

w, = ky, [Fe"(CN).*"]+ - (28)
1 Vi ® kV”,[Fe”(CN)G4 ] + kix[H,0,]
w, = Kk, [Fe“(CN)64‘] + ky, [RHOH] (29)
Now, taking the limit values of the pseudo-first order rate constant:

[RH(I)ilw_)okl = 2y k, [H,0,] (30)

. ko [Fe" (CN)4]
m k = k, [H,0,] <1 L 6 31
RHOH 'L~ P Ky [H0,] { i Ky [Fe" (CN)s* 1+ Kk [H,0,] G

The fraction placed within the curly brackets is indeed a dimensionless number whose value

falls in the range between 0 and 1, meaning that:
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ay ky [H,0,] < lim k< 2a,k [H,0,] (32)

[RHOH] —

Therefore, Eq. 27 predicts a decrease of the pseudo-first order rate constant as the
concentration of the RHOH species increases (inhibition effect). However, according to Eq.
32, this effect is expected to be of a very small magnitude (never reaching a 50% decrease in
the value of ki even at an infinite concentration of the organic additive), in consonance with

the small negative values given in Table 1 for the slopes of the log ki1 vs. log [ROH], plots.

We have thus explained the inhibition exerted by the alcohol / carbohydrate agent through
the pseudo-first order rate constant ki by the antioxidant power of that organic compound.
Actually, the ability of D-mannitol to act as an efficient hydroxyl radical scavenger is well
known [34 —36]. The second order rate constant reported for Eqg. 23 with this alcohol is kv =
(1.88 + 0.14) x 10° M s (in pulse radiolysis experiments with X-ray decomposition of
hydrogen peroxide) [37], whereas that of Eq. 22 is kyi = 1.1 x 101 M s [38]. This means

that, at the concentrations used in the present study, D-mannitol could successfully compete

with hexacyanoferrate(ll) ion as a scavenger of the hydroxyl radicals.

Iron(l11)-mediated inhibition pathway: mechanistic interpretation

The experimental information revealed that the tested alcohols and carbohydrates were more
efficient as inhibitors when the product hexacyanoferrate(lll) ion was present in the reacting
mixture. In order to explain this finding, our mechanism proposal consists of the following
steps (in fair concordance with those assumed in the mathematical model used to obtain the

Kinetic data, Egs. 6 —8):
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[Fe"(CN) 1* + [Fe" (CN)s(H,0)]* — [Fe"(CN)J* + [Fe" (CN)(H,0)*~ (33)
[Fe""(CN);(H,0)F" + ROH &= [Fe"(CN);(ROH)]*" + H,O (34)
[Fe"(CN)s1* + [Fe"' (CN);,(ROH)F*~ — [Fe"'(CN) J*~+ [Fe" (CN);(ROH)J*~ (35)

In this way, in the absence of any alcohol / carbohydrate inhibitor additive, when
hexacyanoferrate(ll) ion transfers one electron to pentacyanoaquaferrrate(lll) ion (formed as
reaction product in Egs. 21 and 22) in an outer-sphere redox reaction the hydrolyzed form of
the iron(ll) reactant complex is regenerated (Eqg. 33). However, when the iron(lll) product is
previously complexed by the organic compound (Eqg. 34), the outer-sphere electron transfer
does not result in the formation of the active form of the reducing agent capable of reacting
with hydrogen peroxide, the hydrolyzed iron(ll) complex (Eg. 35).

Hence, according to the proposed mechanism (Egs. 33—35), the role of the inhibiting agent
in the reaction is that of preventing the fast regeneration of the pentacyanoaquaferrate(ll) ion
once the latter is consumed by oxidation with hydrogen peroxide, so that the kinetic profile
will deviate more and more from a pseudo-first order behavior as the reaction advances. This
results in the reaction rate decreasing much faster than expected for a pseudo-first order
kinetics, and in a value of ko greater than zero and increasing with the inhibiting agent
concentration, when Fe(l11) was initially absent from the reaction mixture (Fig. 4, bottom), as
well as in the decrease of ki being more pronounced than usual when Fe(lll) was initially

present (Fig. 5, top).

However, although the complexation mechanism (Egs. 33—35) was the one to give the

best concordance with the experimental data among the different kinetic models that were
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tried, a certain contribution of a free radical mechanism cannot be completely discarded. This
would take place through the reaction between the superoxide radicals formed in Eg. 25 as

intermediates and the Fe(l11) complexes formed as reaction products [39]:

HO, + Fe" —— O, + H" + Fe'" (36)

Thus, the sequence given by Egs. 23, 25 and 36 would result in the regeneration of the
reactant Fe(ll) and could explain, at least partially, the inhibition caused by the organic

additives in the presence of Fe(lll).
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Table 1 Kinetic parameters for eight different inhibiting agents2

Inhibitor Slope (k;)° Slope (K, )¢ Kud/10° M1 Kk, ¢/ M1
Methanol - 0.021 £ 0.005 0.38 £ 0.07 1.2+0.3 12+6
Ethylene glycol - 0.023 £ 0.003 0.27 £ 0.06 23+0.6 73
Glycerol - 0.023 £ 0.003 0.31+0.04 21+05 9+4
L-Threitol - 0.024 £ 0.006 0.47 £0.05 1.2+0.3 12+3
Adonitol -0.017 £ 0.004 0.30 £ 0.02 28+0.5 12+3
D-Mannitol - 0.041 £ 0.005 0.45+0.05 1.0+0.2 217
D-Glucose - 0.029 £ 0.003 0.32+0.04 1.2+0.2 12+3
Sucrose - 0.025 £ 0.002 0.25+0.06 23+0.6 73

2 [K4Fe(CN)slo = 1.97 X 104 M, [H202]o = 7.83 x 102 M, [KH,PO4] = 1.44 x 102 M, pH 5.10
+0.05, 25.0 °C

® Slopes of the log K, vs. log [ROH], linear plots
¢ Slopes of the log k2 vs. log [ROH], linear plots

4 Equilibrium constant associated with Eq. 7

¢ Rate constant associated with Eq. 8
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Fig. 1 Absorbance at 420 nm as a function of time for the reaction carried out at
[KsFe(CN)s]o = 0 in the absence (a) and presence (b) of D-mannitol (167 x 102 M)
[KsFe(CN)s]o = 1.97 x 10 M, [H202]o = 7.83 x 103 M, [KH2POs]o = 1.44 x 102 M, pH

5.10 + 005, 25.0°C
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Fig. 2 Absorbance at 420 nm as a function of time for the reaction carried out at

[KsFe(CN)s]o = 1.97 x 10* M in the absence (a) and presence (b) of D-mannitol (1.67 x 107

M) [KsFe(CN)s]o = 1.97 x 10* M, [H202]o = 7.83 x 10 M, [KH2PO4]o = 1.44 x 10 M, pH

5.10 + 005, 25.0°C

25



0.16

0.12

0.08

Absorbance (420)

0.04

0.00 & - ' - ' -
0 6 12 18

Time / min

Fig. 3 Absorbance at 420 nm as a function of time during the course of the reaction showing
the experimental (circles) and theoretical (dots) values. [K4Fe(CN)slo = 1.97 x 10 M,
[H20:]o = 7.83 x 10 M, [D-mannitol]o = 1.67 x 102 M, [KH2PO4]o = 1.44 x 102 M, pH 5.10
+0.05, 25.0°C
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Fig. 4 Double logarithm plots for the dependences of rate constants k; (top) and Kk, (bottom)

on the initial concentration of D-mannitol (1.45 x 10° — 1.66 x 102 M). [KaFe(CN)s]o = 1.97

x 10 M, [H202]o = 7.83 x 103 M, [KH2PO4]o = 1.44 x 102 M, pH 5.10 + 0.05, 25.0°C
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Fig. 5 Double logarithm plots for the dependences of rate constants K, (top) and K, (bottom)
on the initial concentration of D-mannitol (1.45 x 10° — 1.67 x 102 M). [KaFe(CN)s]o = 1.97
x 10* M, [K3Fe(CN)g]o = 0 (empty circles) and 1.97 x 10 M (filled circles), [H202]o = 7.83

x 103 M, [KH2PO4]o = 1.44 x 102 M, pH 5.10 + 0.05, 25.0°C
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of carbon atoms of each inhibiting agent with accidental error bars. [KsFe(CN)e]o = 1.97 x 10

4 M, [H202]o = 7.83 x 10 M, [KH2POx]o = 1.44 x 10 M, pH 5.10 * 0.05, 25.0°C
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