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Abstract

The rate of the oxidation of formate in the triiodide aqueous solution were measured

under the condition of pH 4-9, for the purpose of clarifying the source of oxidizing effect of

oxidation reactions in the iodine aqueous solution. The rate equation was obtained, that is,

rate-k[I3-][HCOO-]/([I"]+b), where k and b were as follows: at 25-C, k-0.334× 10~2

min-1, b-d.19×10-3 M; at 30-C, k-0.536×10-2 min-1, b-1.71×10-3M; at 35oC, k-

1.21× 10-2 min-1, b-1.84× 10-3 M. b is a good agreement with the equilibrium constant

for Ia~ *I2+I~. The activation energy of this reaction was 21 kcal. The mechanism

of this reaction and the intermediate complex were discussed.

Introduction

It has been known that the aldehydes and the sugars are oxidated in the iodme

aqueous solution. The mechanisms were proposed by many workers that the source

of the oxidizing effect was molecular iodine, hypoiodous acid, or atomic iodine. For

example, Dharx> and Doosay and Bhagwat2> proposed that in the oxidation reaction of

sodium formate in an iodine aqueous solution, the rate was followed by the equation:

v-k[HCOO-] [I2]

But it is not clari丘ed whether the iodine molecule is the source of the oxidizing effect, or not,

because the effect of iodide ion used and pH was not studied. Ingles and Israel3) and

Nakamura4) proposed that in the oxidation reaction of aldose in alkaline solution of

iodine, the source of the oxidizing effect was a hypoiodous acid. Griffith and Mckeown5),

and Abel and Hilferding6) proposed that in the reaction between iodine and oxalic acid,

the hypoiodous acid and the iodine atom act as the oxidizing species. Chow7> discussed

the relationship between the rate of reaction and the oxidation-reduction potential of the

reaction system. Ham二mick and Zvegintzov8) studied the rate of reaction between formic

acid and iodine in acidic aqueous solution, and proposed the rate equation as follows:

v-k[HCOCT] [^J/PI/K!

where 272 was the total concentration of free iodine (I2 and I3 ) and Kx was the equilibrium

constant of I3 ^アI2+I. But it is a problem that they did not considered that in an acidic

aqueous solution the iodide ion is oxidized to iodine molecule. Recently, Hiller and

Krueger9) reported the rate and mechanism of the iodine-formate reaction in dimethyl
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sulfoxide-water solvents. They also studied the isotope effect between HCOO" and DCOO∴

They did not study the effect of the concentration of hydrogen ion.

It is the purpose of this paper to report a rate equation of the oxidation reaction

between pH 4 and 9, and a discussion of the source of oxidizing effect. The stoichiometry

of this reaction is I3 +HCOO~-CO,+H+ +31∴

Experimental

Reagents : Iodine, potassium iodide, and sodium formate were obtained commercially

(all GR). Iodine was purified by the sublimation. The other reagents were weighed

directly. The iodine solution was prepared by dissolving a weighed quantity of purified

iodine in a buffer solution containing potassium iodide of a desired concentration. The

solution of 0.2M (f-0.980) sodium formate was stocked. In all experiments, the potassium

iodide and the sodium formate were present in excess su鮎ient to eliminate perturbations

due to the iodide ion produced and the decomposition of formate during the reaction,

●

respectively.

Kinetic measurements : Before mixing the reactants, the solutions were equilibrated

for half an hour in the thermostat. The rate was followed by two methods under a

constant temperature. The first was a back titration method. A constant volume of

solution of tile reaction system was pipetted and was added into a known Concentration of
●

sodium thiosulfate solution at different times. Then an excess of sodium thiosulfate solu-

tion was titrated by a standard solution of iodine. This me也od titrates t九e total iodine

(I2, I,-, I0-, I02~ I03　etc.). The second was a spectrophotometric method. It was

measuring the absorbance at 350 nm using a Hitachi 101 spectrophotometer at different
●                                                                                                  ●

times. At 350 nm, the molar extinction coe鮎Ient of tniodide ion is much larger than those

of the iodine molecule and the hypoiodide ion. Except when比e low concentration of

iodide ion and the high concentration of hydroxide ion were employed in the aqueous runs,

the iodine is essentially completely converted to the triiodide ion. Since the analogous

iodine-oxalate reaction is known to proceed in part via a photoinitiated radical process,5>>10)

the effect of 350nm radiation was examined in several of the kinetic runs. One of two

identical solutions was exposed only long enough to obtain several absorbance values, while

the second solution was exposed continuously at 350 nm. A continuously exposed run

decreased absorbance a little faster than a intermittently exposed run. Then rate mea-

surements were obtained by exposing only long enough to obtain several absorbance
●

values. All measurements were obtained m the dark room.

The effect of carbonate ion is studied by adding the sodium carbonate to the reactants

solution. Consequently, the carbonate ion has no effect on the rate of the oxidation

reaction of the formate.

Results

Fig. 1 indicates the plots of the logarithms of total concentration of iodine ( [212]) versus

time. This [2*12] is the total concentration of iodine determined by the back titration
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Fig. 1. Effect of the initial concent-

ration of iodine on the rate (30-C). Concent-

ration of the total iodine (gI｡) versus time

plots. HCOONa 0.129 M; KI 0.03M; Initial

concentration of iodine, (1) 4.68, (2) 9.46, (3)

21.5, and (4) 58.0×l0-3 M. pH 6.
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Fig. 3. Relation between the apparent first order

rate constant kobs and the concentration of formate

[HCOO-]. Log k｡bs versus log [HCOQ-] plots. (1)

35-C, KIO.002M, pH 7 (○), and 5 (⑳). (2) Open

circle, 25-C, KI 0.001 M, pH 7; Closed circle, 35-C5

KIO.01 M,pH7. (3) 30-C?KIO,01 M, pH 6,
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Fig. 2. Effect of concentration of formate

on the rate. Absrobance CD) or concentration

of total iodine (2I2) versus time plots.

(a) 25-C;pH 7; KI 0.001 M; HCOONa (1)

0.014, (2)0.025, (3) 0.04, (4) 0.08, (5) 0.14, and

)0.3M.

(b) 30-C; pH 7; KI 0.03M; HCOONa (1) 0.07,

(2) 0.15, and (3) 0.20 M.

35oC;pH7; KI 0.002　M; HCOONa (1)

0.004, (2) 0.008, (3) 0.02, (4) 0.04, and (5) 0.10 M.
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Fig. 4. Effect of the concentration of iodide ion on the rate. Log k'versus log [I-] plots at (1)

25oC (○), (2) 30-C (ゥ), and (3) 35oC (㊨).

Fig. 5. Relation between k'and the concentration of iodide ion. 1/k'versus [I-] plots at (1)

25-C (○), (2) 30-C (①), and (3) 35oC (㊨).
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80

Fig. 6. Effect of pH on the rate under the conditions of pH 4-9. Log k' versus pH plots.

Temperature and concentration of iodide ion are (1) 25oC, 0.001 M, (2) 30-C, 0.008 M, (3) 30oC, 0.02 M,

(4) 30oC, 0.03 M, (5) 35oC, 0.002 M, and (6) 35oC, 0.02 M.

Fig. 7. Comparison between the spectrophotometric method (#) and the back titration method

(○) in alkaline aqueous solution. 2T? or D versus time plots. Condition of reaction: 30 C, pH 12,

KI 0.05 M? HCOONa 0.2 M,
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Fig. 8　　　　　　　　　　　　　　　　　　　Fig. 9

Fig. 8. Arrhenius plots. (1) KI 0.002 M, HCOONa 0.OトO.06 M, Activation energy 21.3士0･l

kcal, (2) KI 0.02 M, HCOONa 0.39 M, Activation energy 20.7ア0.5 kcal.

Fig. 9. Equilibrium diagram for I3~ 3.+I- (Kx), I2+H20ニHIO+I~+H+ (K望) and HIOごⅡ+

+Ⅰ0- (K3), where Kx-1.36×10-3, jr -3×10-13, and K3-10-ll. Initial concentration of iodide

ion and iodine are 0.01 M and 6 × 10-5M, respectively.

method and it contains I,~, Ⅰ包10", I03~¥ etc. It is found that this reaction is the first

order reaction about the total concentration of iodine. Similarly, this reaction is the first

order reaction about the concentration of triiodide ion. The difference of the initial

concentration of iodine have no effect toward the apparent first order rate constant, koss

(-d [2fI2]/dt-k｡&s[2'I2], or -dD/dt-k｡&sD, where D is an absorbance at 350 nm.), k｡bs is

the same between the back titration method and the spectrophotometric method when

the other conditions are equal.

The effect of the concentration of formate ion is indicated in fig. 2 (the plot of log [2T2]

or log D versus time). Increasing the concentration of formate ion, the rate constant ko&s

increases. About these systems and the others, the plot of the logarithms of the

concentration of formate ion versus the logarithms of ko&s is indicated in fig. 3. The

gradiants are about one. It is found that this reaction is the first order reaction about

the concentration of formate ion.

The effect of the concentration of iodide ion is studied. The plot of log k'(k'-ko&s/

[HCOO ]) versus log [I ] are indicated in fig. 4. It indicates that for the high concentra-

tion of iodide ion, the reaOtion is inversely proportional to the OonOentration of iodide ion,

while for the low concentration of iodide ion, k'approaches constant. From these results,

the next relation between k'and [I ] is assumed:

k'-a/([!-]+b) or 1/k'-[I-1/a+ち/a

where a and b are constant. The plot of 1/k5 versus [I 1 is linear as shown主n fig. 5,
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Table 1. Kinetic data of the oxidation of forMAT丑IN TRIIODIDE AQUEOUS SOLUTION

(a) At 25-C (Spectrophotometric method)

a) -CLD/dt-=k｡bs D, where D is the absorbance at 350 nm.

b) k'-kobs/[HCOO-]

(b) At 30-C (Back titration method)
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Table 1. Continued
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c) Spectrophotometric method

(c) At 35-C (Spectrophotometric method)
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TAI王Ie 2. Effect of temperature on the rate

Temperature

(o(〕)

k†

(M-1!!!!!!-

Temp erature

-C)

k'

(M-^min-1 )

Ea-21.3ア0. 1 kcala>　　　　　　　　　　Ea-40.7ア0.5 kcalb>

a) [I-], 0.0020 M; [HCOO-], 0.60-0.010 M; [I包] , 6.3×10-6班;pH 7, Spectro-

photometric method

b) [I-], 0.020 M; [HCOO-], 0.393 M; [I2]0, 1.6×10-4 M; Spectrophotometric

method

c) pH6

d) pH7.5

Table 3. k and b in the equation (1): Rate-k[I3- or 2T2] [HCOO-]/([I-]+b)

The effect of pH on the rate constant is indicated in fig. 6. It indicates that the

change of pH has no effect under a condition of pH 4-9.

At high pH (above ll), a disproportionate of iodine arises. At high pH, the
plot of the absorbance at 350 nm versus time dose not agree with that of the total concen-

tration of iodine versus time (fig. 7). The hypoiodide ion, the iodite ion, and the lodate

ion are formed by the disproportioixation of iodine and these are titrated by thiosulfate

ion. Accordingly, 2I2 is a summation of I2, I3 , 10 , I02 , I03 , etc. The disproportiona-

tion of iodine has no change of 2T2. But the absorbance at 350 nm results from the

tniodide ion primarily. Therefore, the absorbance at 350 nm decreases both with the

propagation of the disproportionate and with the propagation of the oxidation

reaction of formate. Accordingly, the back titration method measures only the oxida-

tion reaction of formate, while the spectrophotometric method measures both reactions:

the disproportionation and the oxidation reaction of for甲ate.

From all the results given above, the rate equation is written as follows:
●

-dU-L]/dt-k[21j [HCOO-]/([I-] +b)

-d[I3-]/dt-k[I3-] [HCOO-]/([I-] + b)
(1)

The condition of reaction, k｡js? and k'are summarized in table 1, k and b in eq. (1) are
●

given in table 3,
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The higher the temperature, the faster the reaction rate is. The Arrhenms plot is

given in fig. 8 and the data are given in table 2. The activity energy is 21 kcal.

Discussion

It has been thought that the source of the oxidizing effect of formate is molecular

iodine, hypoiodous acid, or atomic iodine. If the iodine atom is the oxidizing species,

the next mechanism and the rate equation are considered5^6) :

lt^l+i-

I-iア2I

I +HCO0- -Hcoor

Hcoor+i,-CO,+2I-+I+H+

By applying the steady state treatment to iodine atom,
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-d[HCOO-]/dt-kl/JHCOO-JVKoK^IJ (Kl+ [I-])　　　　　(6)

where Ko is the equilibrium constant for the reaction (3), Kx is the equilibrium constant for

the reaction (2), and kx/ is the rate constant for the reaction (4). The reactions (4) and

(5) are the chain propagating reactions. This rate equation does not agree with the

experimental equation (1).

When the hypoiodous acid oxidates the formate ion, the mechanism and the rate

equation are considered as follows :

!i,+r

L+H20<アHIO+H++r

HIO + HCOCT-Products

Assuming that the reaction (9) is the rate determining step and applying the preliminary

equilibrium treatment to the reaction (7) and (8),

-d[l3-]/dt-k3KIK2[HCOO-][l3-]/(KIK2 + Kl[H+][r] + [H+][I-]2)　　(iO)

where K2 is the equilibrium constant for the reaction (8), and k3 is the rate constant for

the reaction (9). Since K,-1.36×10-3, K2-3×10-13 at 25oCn>-12>, and rr]-l(T3 M, the

effect of pH on the rate is greater between pH 5 and 9. This is inconsistent with the

experimental facts. It was proposed that in the thermal oxidation of oxalates by

bromine13) and chlorine14), the determining step is a reaction between the HC204 ion and
●    ●                         ●

the hypoiodous acid HOX formed by hydrolysis of the halogene and the rate equation is
●

rate-k[HC2Or] [iXJ/^+ tX"]) Or] [H+]　　　　　　(ll)

where Kx is the equilibrium constant for X3 iアX2+X , and [2X2] is the total concentration

of halogene determined by titration. This rate equation has no analogy with the rate

equation (1).

According to an equilibrium diagram (fig. 9), which is calculated by the next
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equilibriumsandequilibriumconstant:

>i2+rK,-1.36×i0-3

I2+H20^アHIO+H++rK2-3×10-13

HIOzアH++IO~K,-10-n15>

theconcentrationofhypoiodousacidisverysmallincomparisonwiththeconcentration

oftriiodideionandiodinemoleculebelowpH9.Itisnecessaryforstudyingtheeffectof

hypoiodousacidthattheexperimentsaredoneundertheconditionofhighpH.

Whentheoxidizingspeciesistheiodinemolecule,thenextmechanismandtherate

equationareconsidered:

3<1-9

i,+rkx12)

L+HCOCr-Productsk2(13)

Assumingthatthereaction(13)istheratedeterminingstep,andapplyingthepreliminary

equilibriumtreatmenttothereaction(12),

-d[I3-]/dt-k2Kl[I3-] [HCOO-]/(Kl+ [I-])

-d[2-I2]/ t-k2Kl[212] [HCOO-] (^+[1-])
14

This rate equation has a good agreement with both the results from the spectrophoto-

metric method and the back titration me也od. Also, b in eq. (1) is a good agreement wi仙

Kl(-10-3).

In the reaction between formic acid and thallium (III) in aqueous solution, the

decomposition of比e intermediate Tl -HCOOH34- has the activation energy of 26.6 kcal16>.

Then, the mechanism of the reaction between formate and iodine is also assumed as

follows :

HCOO~+L^アHCOO- I2

HCOO- I +-H+CO2+2F

The rate equation is

-d[I3-]/dt-k3KIK2[HCOO-] [I,-]/ [I-] +Kx(1 +K2[HCOO-])}　　　(17)

If K2[HCOO-]≪1, this rate equation is consistent with the equation (14). In this case,

k2-k3K2. The reaction (16) has an activation energy of 21 kcal.

Hillek and Krueger reported9) that the reaction with HCOO is faster than that

with DCOO (kn/kD-3.8 in aqueous solution). They proposed that for the mechanism of

the reaction between formate and iodine,

L+HCOO"→Ⅰ2H~+ co2　(slow)

I2H" -2I-+H+　　　　　　　匝st)

In this case, the activation complex is thought to be the three center bond complex ([I2-

H-COO]-). From the isotope effect, this mechanism is probable. But the electron
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transferisthoughttobedifficult.Then,weassumedthattheactivationcomplexis

[臥一一C≪--!r

｡-ij

Thesp2hybridizedorbitalofcarbonatomproceedstothesphybridizedorbitalanditcuts

offprotonandtransferselectronstoiodineatoms.Theisotopeeffectisexplainedthat

theC-Dbondisdi鮎ulttocutoffbecausetheC-DbondisstrongerthantheC-Hbond.

Thisissupportedbythefactthatforthethallium(III)oxidationofformatekH/kD-3.4,a

processwhichundoubtedlyoccursviainteractionofTl3+ontheoxigenatomofformate17).●

But,itisdi鮎ultfromoulytheseresultstoruleoutthepossibilitygivenbyHillerand●

Keueger.

Conclusion

Bythekineticstudyoftheoxidationreactionofformateioninanaqueoussolution,

therateequationwasobtained,thatis,rate-k[I31[HCOO]/([!J+Ki).Thechangeof

pHhasnoeffectontherateundertheconditionofpH4-9.Itmaybeconsideredthatthe

oxidizingspeciesistheiodinemoleculeandtheintermediatecomplexisHCOOJ2orI2H

TheauthorswishtothankProfessorHirotaforseveralhelpfuldiscussions,andalso

wishtothankMr.MaedaandMissEguchifortheircooperation.
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