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ABSTRACT 

The reaction between diacety! and hydrogen peroxide in aqueous solution was 
invatigated using an adiabatic reaction calorimeter- The kinetic constants are 
calculated using procedures based on the temperature-time behaviour of the reaction 
system. 

The mechanism of the reaction proposed fits very wel: with the reaction-rate 
equations used and the observed temperature-time data. 

1_ iXlRODL!CllOS 

Diacetyl (2, 3-butanedione) is one of the? relatively small molecules with a 

light absorption in the visible range of the eIectiomagnetic spectrum_ Not only its 

remarkably intense yellow colour but also its flavour makes it an interesting compound. 
In 1904, Hollernan’ reported the complete conversion of diacetyl into acetic 

acid when it reacted with hydrogen peroxide. Weitz and Scheffe? proposed, for the 
first time, a mechanism explainin g the rapid cleavage of diketones. They sugested 

the formation of an unstabIe diperoxide followed by a ring-shaped superoxide which 

converted into acetic anhydride. The latter is rapidly hydrolysed to acetic acid in 
aqueous solution_ 

However, the investigations of Sauer and Edwards3 on the reaction between 
acetone and hydrogen peroxide did not support these steps for the reaction diacetyl 
and hydrogen peroxide_ 

From the work of Barnes and Lewis4 and of Lefller’, it is clear that acetic 
anhydride is always an intermediate product and because of the large amount of water, 
complete hydrolysis takes place. In Sect, 3.2, a more detailed discussion is presented 
concerning the possible intermediates_ 

The objective of this paper is to demonstrate the possibilities in determining the 

* Present address: Dutch Scrvia of Metrology, Van Swinh Labora~oxium, Alphons Dicpn- 
brockhof 2, ‘llw Hague, The NeflxMands_ 
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kinetic constants of a complex reaction usin, 0 only the temperature-time relation of the 

reziion under adiabatic conditions. 
In sect. 2, a description is given of the techniques used in determining the end 

products of the reaction, the method of realising the adiabatic conditions, and the 
specrrophorometric experiments used to anaiyse the diacetyl-water equilibrium. In 
Sect. 3, an arulysis of the mechanism is proposed. In Sect. 4, the resuitsand the method 
of calculation are discussed_ 

Fig_ I_ The spcctropbbtomctric all compartment autmbly. 1, Injection device; 2; cover of all 
axnprtmcnt; 3, imxr wztLl of ali compartment; 3. outer w3il of cell compartment; 5. mixing 
chamkr trafiks; 6. stirrer; 7. tImmnocoax for calibrarion; 8. inkt for t -ted 2ir; 9, inlet 
for dmmtmattai uarcr; SO, all support; II, Pcrspcx ail; 12, cork insuIation; 13. air outlet; 14, 
coizaxc~ion for Bowden cable; 15, water outkt; 16, shutter to the dttaxor; 17,.glass windows; 18, 
connection to tht photomuItipIicr; 19,opticaI axis_ 
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Fig. 2 The spcctrophotomctric oA1 compartment asxmbly parallel to the optical axis. For txplana- 
ti&n of numbers, s& Fig. 1. 

2. E.yPERIME?ZTAL 

2. I Spectrophotometric experiments 
The reaction-rate experiments started with an aqueous mixture of diacetyl to 

which a know-n amount of hydrogen peroxide in water was added. There was no 
reason to expect that the concentration of diacetyl and its hydrate were at equilibrium 
conditions during the reaction with hydrogen peroxide. So the reaction constants k, 
and kl (see Sect. 3.1) and the equilibrium constant K must be known as a function of 
temperature- 

VisuaI observation of the chan_ge in cofour intensity on mixing the diacetyl 

mixture with hydrogen peroxide gave the impression of a fast equilibrium reaction 
followed by a slower irreversible reaction. This behaviour is reminiscent of the 
equilibrium reaction found by Sauer and Edwards for acetone. To get information 
about the equilibrium constant, preliminary reaction-rate experiments were carried 

out. 
These experiments were all performed with a Mode! 46 Perlcin-Elmer single 

beam spectrophotometer. The selection criteria are, on the one hand, analogue and 
di&al output and, on the other, high stability and modular construction- Reaction 
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experiments over a lonser period in this SFtrophotometer are rather insensitive to 

drift and chance in zero readings- 
Commercially available spectrophotometers are, in general, not well suited for 

reaction-rats experiments but the modular construction of Model 46 presents the 
opportunity of consfructin, 0 a suitable cell compartment_ 

Figures 1 and 2 are sectional drawings of the reaction chamber with the separate 

parts identified. Only the major design points wil: be discussed in detail_ The construc- 
tion is such rhat a constant environment with a high stability can be achieved_ To 
realize this, the UYXII of the cell compartment consists of an inner compartment (3) 
and an outer vsall (4) with circulating thermostalted water in between- Both walls of 
the compartment and of the cover (2) are of solid copper. In Casey of heat-producing 
systems in the inner cell compartment, a thermostatted air stream, entering at the 

bottom (S), w-i!1 keep the temperature of the cell surroundins constant_ 
The Perspex cell (11). with plan parallel windows, consists of a stirrer (6) and 

thermocoax for calibration purposes. The liquid mixture is circuiated by the stirrer in 
the light path of the spectrophotometer in the other part of the cell. Complete mixing 
is established in about one second. The light path in the reaction mixture is 60-15 mm. 

One of the components was kept in the syringe assembled in the thermostatted 

cover to ensure equal temperatures on mixins. In the experiments for the determina- 
tion of the equilibrium constants of the diacetyl and water reaction, the syrins 

comained the diacetyl In the preliminary reaction-rate experiments, a known amount 
of hydrogen peroxide was injected via the syringe_ 

The spectrophotometer data were recorded with the data-Iogging system, 
described by Frankvoort and Dammersr6, on mapetic tape to be processed by 
suitable computer pro_mmmes. Besides transmission-time data, temperature-time 

and, if n ecessarq, pH-time data were simultaneously recorded. 

2.2 RPacrion products 

From different experiments with an initial concentration ratio of diacetyl to 

hydrogen peroxide from i0: 5 to I; 10, the final reaction mixture was analysed by gas 

ch.romato_gaphy_ All mixtures used were compietely reacted and stabie in chemical 
composXon_ 

A Packard-Becker Model 427 with a Chromosorb P-120 mesh (20% coatinS of 
compound 82) column was used, acceptin, 0 aqueous mixtures without tailing and 

bleeding. 

The results of [he experiments are summarized in Table I_ 
The presence of diacetyl, acetic acid and Zbutanone in the mixture was positiveIy 

demonstrated_ A very small peak at a retention time of 482 s was not identified- 
Analysis of fresh diacetyf showed the presence of diacetyl, Zbutanone and the 
unknown compound_ This means that the only product of the reaction between 
diacetyl and hydrogen peroxide was acetic acid. The precision of the experiments was 

about -F: 0.5% relative. both for the retention times and the concentrations. 
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TABLE 1 

a)HposmOS OF I-HE FSXAL RE&Cl-tOS 4UXl-URE 

Rbsolure 

rereniion finer 1s) 
Comjwwi 

0 Injection of 1 pl mixture 
95 .c 1% ZButanone 

111 DiaoctYl 
482 <c I “/, Unknown 
740 Aatic zcid 

2-3 NMR experiments 

In Fig. 3, the NMR spectrum of diacetyl in D,O shows three peaks. The two 
adjacent peaks fall in the ranse characteristic of methyl protons next to a carbonyl 

group_ The third peak falls in the range of methyl protons adjacent to a hydrated 

carbonyl group_ This spectrum is thus a superposition of the lines of monohydrated 
and unhydratcd diacetyl. 

The identification of the three peaks in Fig. 3 is based on intensity measurements 
as a function of temperature. The area under one of the two adjacent peaks is proporti- 
onal to the contribution of two C-C = 0 groups in diacetyl and the other iine with 
one C-C = 0 group in the monohydrate. The third line has an area proportional to 

one 

OH 

i 
bH 

group in the monohydrate. The peak from the adjacent pair which shows the same 
temperature behaviour as the single peak belongs to the same molecule, in this case to 

the monohydrate. The concIusions as to which line belongs to which compound are 

shown in Fig. 3. 
Greenzaid et ak6 arrived at the same conclusions as found here in the NMR 

experiments- 

Although the experimental set-up in the N_MR experiments is not very -useful in 

following intensities as a function of time, reacrion experiments have been carried out 

to confirm the intermediate acetic anhydride- 

In Fig. 4, a typical example of a NM R spectrum of the reaction mixture is given. 
The spectrum showed two extra peaks; the one with a high intensity is acetic acid and 
the other one belongs to one of the intermediates. The Iatter decreased with time and 

disappeared completely after some time. One remar!cabIe point is the pronounced 

shifting of all the lines in the spectrum as’s function of an increasing acetic acid 
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Fig X The NMR spxf_rum of diaacyl in Da. 

F&L 4_ The FiMR spu~nun of the rcsction mixture of SaaztyI and Ha in Da. 

concentration_ This prevented an absolute determination of the “intermediate” peak. 
Using a mixture of diacetyl. aatic acid and acetic anhydride in DZO, a position of the 
acetic anhydride fine r&tive to those of diacetyl and ;soctic acid was compared with 

the one of the intermediau in rhe reaction mixture. A good agreement (better than 
3%) in position was found. 

Although the assignment of the intermcciiatc as acetic anhydride is not complete- 
ly certain. the experiments of timers and of Barnes and Lewis’, together.with our 
rcsulfs, give a good basis for this assumption. 

2.4 Reaczion rare expwimmrs 

The use of an adiabatic reaction calorimeter has been fully described by 
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Frankvoort”. The experimental conditions have been described in detail in realising 
the calorimeter. 

To achieve the various ratios of diacetyl to hydrogen peroxide in the different 
experiments, hydrogen peroxide mixtures were sometimes in the inner ceJl and 
sometimes in the outer. 

The aqueous hydrogen peroxide mixtures were made from a 35wt. % solution. 
The exact value of the concentrations were determined titrimetricaliy_ 

3. ANALYSIS OF THE REACTION MECHANWbl 

3.1 Equilibrium of diacetyl md water 
Aqueous solutions of diauztyl, like many ddehydes and ketones, show a high 

degree of hydrolysis- 
Initial reaction mixtures of diacetyi with water were spread over a wide range of 

temperatures, so that it was necessary to know the equilibrium behaviour of diacetyl 
in water. Moreover, the rate constants of the fomard and reverse reactions had to be 
known as will be explained Iater. 

The equilibrium, extensively studied by Beil and McDougall’, is given by 

H 

00 00 

II Ii k0 ii I 
Hz0 f C-C-C-C z= C-C-C-C 

k2 1 
0 
H 

m0 ml m2 

In excess water, the reaction-rate equation can be written as 

dm 
- = - k, mOmI + kzmz 

dt 

and the equilibrium constant K is defined as 

(2) 

(3) 

where k , = kd”o and mi,= is the equilibrium concentration of species i. 
Bell and McDougalJ’ determined the equilibrium constant by UV techniques 

in the temperature range 25-54’C. Both Greenzaid et ai.’ and Bell and McDougall’ 
used a waveJength of 420 nm which is, as they showed, specific for diacetyi_ 

Neither the value for the molar extinction coeficient used by Bell and AMC- 
Dougall’ (E = 23.0 i moI-’ cm-‘) nor the one determin@ by Greeeid et al.* 
(z = 16.0 I mol- ’ cm- *) seems to be correct The calcuIated enthalpy of hydra&on, 
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AH 298L = -29 & 3 kJ mol- l, based on the extinction coefficient determined by 

Grecnzaid et aI.‘, is about 30% higher than our calorimetric value of AH,,,, = 

-20-9 f 0.5 kJ moi- ’ [see text following eqn_ (16)]_ 

Beuuse of the fact that only K, but ako k, and k2 shouId be known as a 
function of temperature, rhe following reaction-rate experiments have been tied out_ 

XL various temperature levels, the reaction between diacetyl and water was 
fo!Iowed spectrophotometrically at a wavelengh of 420 ML The reaction-rate 
equation given in eqn. (2) hzs, as initial and final conditions 

I = 0: m, = m,,o I = 30: “I, = RI,_, 
(4) 

m, = 0 m 2 = m2.= 

integration of eqn_ (2) using the initial and final conditions and the fact that 
z?l ,. 0 = ml_ c + n12.cr leads to 

. 

( m, - m~_J = (mr_o - mi,c)ekp 
t 

b%,or - 
*'I.0 - 9, ) 

Lambert-Beer’s law gives the relationship between the concentration of a 
compound and its mcazwed absorption- Subsfitution of 

ml = _A&kj 

ma.9 = _&[(k) (6) 
ml_, = A,::(k) 

where A is the measured absorption, gives 

Using an exponential curve fit &en by 

Y = p exp (~1) 

the rate constants are determined without using the value of E 

The equilibrium reaction beturcn diacetyl and water was carried out at tious 
temperatures and fit&d using eqn. (8). The temperature relationship for k, and k2 is 
of the Arrhenius type 

(10) 
k, =Z‘exp(--&) 

k2 =z*e.xp(-$) 
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Fig. 5. The tcmpmture function of &I and k~. 

Fig 6. The temperature function of K. 0, Data from this investigation: f (E = 19.5). 8 (JZ =*23.0). 
dzuzt from Ekll and McDougaiF; x (c = 19.5). @I (E - 16.0). data fram Greenzaid et al.*; , data 
from Hoopas. 

resulting in the foliowings values for the kinetic constants. 

2, = (7.60 & 0.90) x 10’ s-’ E, = (2.31 2 0.07) x IO4 kJ mol- ’ 
22 = (1.69 2 0.85) x IO5 s-r Ez = (3.88 5 0.13) x 10” kJ mol-’ 

The value for E in ail these experiments appears to be E = 19.5 & 0.5. Ah 
constants determined are valid in the range 285-315 K, the experimentally used range 
for the reactions. Figure 5 shows the results for k, and k2 as a function of temperature. 

Using 6 = 19.5 for the data of Bell and ~McDougaIl’, a good agreement is 
found. Also, the va!ue &-en by Hooperg fits very well with these experiments as can 

be seen in Fig. 6. From the data of Greenzaid et al.*, those values for K failing within 
our tempcraturc ransc are piotted in Fi g. 6 to show the greater discrepancy with the 
other data vaiues. 

3.2 The complete reaction mechanism 

From the investigations of Barnes and Lewis’ and LetTIer’, the oxidation of 
diketones with hydrogen peroxide always proceeds via acetic anhydride (ma). This is 

confirmed by the NMR experiments in Sect. 2.3. 
Using the principles for the oxidation of acetone in this case, the equilibrium 

reaction (12) will be a good description. 
Before discussing the possibie intermediates and reactions, the following set of 

ration equations might be a good ahcmative to thoj, proposed by the authors 
previously mentioned. 

Equation (I 1) is extensively discussed in Sect. 3. I and the values of k 1 and k, 

as a function of temperature are given there: Using the Dewar c&Zorimeter described 

by Frankvoort and Dammers 15 the reaction enthalpy was found to be AHzgsK = , 
-20.9 & 0.5 kJ mol- I. 
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88 % 
0044 

c-c-c-c l Hz0 z=== c2-4-c 
*z Aa4 

“r %I “2 

H 

& 2 2 --T + 
k 

C-C-M-C + s+o & c-c-o-c--c 
4 A-- 

-‘6 m7 

(11) 

(13) 

(16) 

The equilibrium reaction in cqn. (i2) is motivated on one side by the reaction 
between acetone and hydrogen peroxide as described by Sauer and Edward? and on 
the other side by preliminary reaction-ra:e experiments carried out in the spectro- 
photometer as explained in Sect_ 2 l_ 

We recorded the absorption-time behaviour of initial reaction mixtures with 
different diacetyi hydrogen peroxide ratios. Directiy after mixing the components, a 
sharp drop in the diacetyl concentration was found which became slower after some 
time_ This can be explained by an equilibrium reaction with a forward rate constant 
(k,) somewhat greater than the reverse rate constant (&J followed by a slower 
irreversibIe reaction (k, or k6)_ 

Comparing the rate of these reactions with the equilibrium reaction hctween 
diacetyl and water, t&e value of k3 (300 K) appears to be about 0.09 kg mol-’ s-r 
compared with k, (300 K) = 0.07 s-r and k, (300 K) = 0.03 s-r_ 

Our preliminary reaction-rate experiments indicated that the reaction in eqo. 
(12) is not coupled with a measurabie evolution of heat_ 
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When k5 cc k3, the concentration of diacetyl is mainly determined by the 
position of the equilibrium reaction (12). In that case, the ratio between k3 and k4 at 
300 K can be calculated. 

Our suggestion for the intermediate m, in eqn. (13) is not proved by any 
experiment. Both alternatives, those of Weitz and Scheffe? and timer’, are possible. 
The proposition of Weitz and Scheffer’, i.e. 

c-c-c-c 
I I 

0 
9 

appears to be artificial. Leffler’s’ intermediate, i.e. 

0 o+ 

Ii I 
C-C-C-C 

I 
OH 

and the one given in eqn. (I 3) could appear after each other_ However, which of these 
alternatives is the correct one is not important for the kinetic calculations as will be 
shown in Sect. 4. 

In eqn. (14), acetic anhydride, detected by NMR experiments, is found. The 
enthalpy of formation of m, can be calculated from ml and m3 combined with the 
enthaipy of reaction of eqn. (12): AH,,,, = O-0 kJ mol-‘. Accepting the fact that the 
enthalpies of formation of m4 and m5 are identical, the enthalpy of the reaction given 
in eqn. (13) is therefore AH,,,, = 0 W mol-r_ The enthalpy of the reaction”. ” 

given in eqn. (14) is now calculated as AHzgsK = -356.8 5 1.5 kJ mol-‘. 
The hydrolysis of acetic anhydride has been extensively invcstigated*2- Is. 

Bunton et al.” proposed the mechanism given in eqns. (15) and (16). Hoffman13 and 
Maelickel* gave a detailed discussion about the values of the kinetic constants. They 
showed that k, >r k7 and that for this reason the concentration of m, is very smali. 
This means the backward reaction via ks will be very small and can be negIected. 
The rate-determining step is the forward reaction. The value fork, given by Maelicke’a, 

and in good agreement with those of Hoffmanr3 and Bunton et al.” is 

k7 = 7.883 x 10’ exp 
4.835 x lo& 

- 
RT (18) 

The enthalpy of the reactions given in eqns. (15) and (16) together, based on 
the enthalpies of formation”. ‘r is AHzgsK = -58.36 &. 1.0 W mol--I.. .- 

The numerical methods described by Frankvoortr7 with the experimentai 
method explained in .Sect. 2.4 can be used in the determination of the unknown 
kineiicconstaJ.lts. : - . . I. ._ . 



These methods are based on the determination of temperature as a function of 
time and setting up a usable descriptive function, fittable as easily as possible_ 

The rat of temperature change of the complete mechanism is given by 

CtT 
-= 
dt 

F (k,m, - k,ml) i 2 k,m, i 2 k,rn? 
P 

(19) 

This equation cannot be changed into a similar kinetic equation as discussed by 
I6 Frankvoort and Dammen _ In fti, the impossibility to fit the data by means of the 

mo&fxd Xrrhenius equation has forced us to use the method explained by Frank- 

Yoort’ 7. The following section deals with the details in solving this problem. 

Lt_ RESI;'LTS ASD Dl!XX_SIOS 

As explained in Sect. 3.2, the modified Arrhenius method is not applicable to 
tke dc+Lennination of the kinetic consttints in eqn. (19). The only alternative is to 

inte_grate all the equations describing the course of the reaction, simultaneously_ 

These equations read 

dm, - = - k,m, 
df 

i k,m, - k3m,m, i k,m, 

dmz 
- = - k,mz + k,m, dt 

dm3 _ - - - k,m,m, i- k,m, 
dr 

dm4 - = t k,;n,m, - k,m, - k,m4 
dr 

dms - = + k5m4 - k6m5 
dt 

dm - = + kern5 - k7m6 t ksm, 
dr 

dm, - = + k7m6 - ksm, - k9m, 
dr 

dT 
- = ~(k,m, - klm,) + FIr.m, + % k,m, 
dt P P 

(23) 

(27) 

Remembering the conditions mentioned in Sect_ 3, the following assumptions 

w-ill be mad.4~ 

We do not expect that the concentrations in eqns. (il) and (12) fulfil the 
a@.ibtium condition_ For the numerical integration it is not essential, but convenient 
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to accept k, >> k5. This implies ran, is very small and constant, ti,/dr = 0 and 
k5m, = kG5_ 

From the investigations of Ma&&e’ +, it is clev that k, >> k, which results in 

dm,/dt = 0, klm, a 0 and k,m, = kgn,. 
These considerations reduce the differential equations to the foIIowing_ 

dml - = - k,_m, 
dr 

f k,mz - ksmzms + k,m4 wo 

p = - k,m2 + k,m, 
dr (29) 

dm, - = - k3mlm3 +- k4m4 
dt 

(30) 

dm4 
- = + k3m,m, - k4m4 

dr 
- k5m4 (331) 

dm6 
- = + k,m, - k7m6 

dt 
(32) 

dT -_= 
dr 

Q - k,m2) +- 2 k5m4 i 
=P 

B k7m6 
CP 

(33) 

From our own experiments and from literature data, the vaIues of k,, k, and k7 
are known as functions of temperature in the range from 285 to 315 K. The v&es of 
Q1. Qz and Q3 are known from calorimetric experiments and from thermodynamic 
calculations. For cp, a value can be estimated from calorimetric experiments with the 
final reaction mixture_ 

The preliminary reaction-rate experiments yieid an estimate for ic, and kJk4. 
Only for k, are estimates based on physical or chemical grounds unavailable. 

To determine the kinetic constints in the Arrhenius equation of k,, k, and k5, 
the techniques explained by FrankvoortL7 are used, Equations (28)-(33) are integrated 

simultaneousiy. The caiculated temperatures are compared with the experimental 

ones. This is done, meanwhile adjusting the parameters, as long as the calculated 
temperatures do not fit the observed temperatures. 

In fact., six differential equations have been integrated simultaneously, and eight 
parameters estimated, nameiy Z,, z,, 25, Es, E&.Es. Qz ad 0,. 

Another reason for adjusting the values for Q, and Q, is found in the possibIe 
changes in the vahe of Q and cP due to the experimental conditions, result@ in 
unnecessarily worse adaptation of the fitted curve, . . 

A second, and unexpected point was the poorer ‘&iaptation’ bf the &&uIate~I 
temperature at the last part of the awe. This indicat& a’@ssibly less acceptable va&e 
for k,_ , ‘._ ..’ : . 



1 (7.60 5 0.90 ) x JO= (231 &- 0.07) x 10~ -20.0 -” 0.9 
2 (I-69 = OS5 ) x Ioi (338 * 0.13) x 1w -61.0 2 21 

3 (310 f o_as) x 1w= (3.78 --‘0.02) x IW -354 * 10 
4 (I_tsa 5 O_ow) % IW (128 * 0.14) x ICY - 

5 (9.16 A O-16 ) x IO”’ (7.03 6 3.02) % IO‘ - 

7 (130 5 O_M ) % IW (477 A 0.04) % IW - 

= kg Klol-1 s-L_ 

To avoid this, we introduced wo extra panmcters, Z7 and & This has 

resulted in a much better adaptation of the ca!culated temperatures to zhc observed 
ones_ We thus inte_grated at least six differential equqiions simultaneousiy and have 
determined ten parameters. 

The concentration rzmge of diaceg-1 to hydrogen peroxide w-as from 10: i to 
i : IO. The tem.Cerature range was from about 285 to 315 K_ 

The calcuhtions result in the values for the kinetic constants, including the 
cnthdpy of reaction, given in Table 2. 

In Fig. 7, a typical esamplc of the course of the concentrations of m,-m, is 
&en_ & we can see, a rapid chanse of the concentrations DJ~, m2 and nz, occurs. 
This indiates a set of stifi difTerentia1 equations_ The numerical calculations showed 
the same behaviour by very small steps in the wnning of the integration, followed 
by an increasing time sup ran&g to the experimental time step. 

The importance of the combination of an adiabatic calorimeter and an advanced 
numerical method lies in the very satisfying tackling of complex reaction systems_ In 
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one single reaction experiment all the kinetic data describing the complete course of 

reaction is determined_ Compared with isothermal methods using spectrophoto- 
metricalfy detected diacetyl concentration, the simplicity of our experiments and the 

free choice of the concentration are remarkable for the method explained in this 

paper. Particuiariy in reaction systems with a great enthaIpy of reaction, isothermal 

experiments with high concentrations are very difTicult to carry out at sufficiently 

constant temperature_ 

6_ XOTATION 

A 

=P 
Ei 
AH 

/li 

K 
I 
nr, 

nli. 0 

mi c 

Pi’ 
R 

T 

I 

zi 

iz 

spectrophotometrically determined transmission_ 
specific heat capacity. 

activation ener=gy of reaction number i. 
thermodynamically calculated enthalpy of reaction_ 

reaction rate constant of reaction number i_ 

equilibrium constant. 
lengh of Iight path. 

molality of solute of component i_ 

initial molality of component i_ 

equilibrium molality of component i_ 

experimentally determined reaction enthalpy. 
molar 2~ constant (R = 8.31441 J rn01-~ K-l). 

absolute temperature of reaction mixture_ 

time. 

frequency facior of reaction number i. 

molar absorption coefiicient. 
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