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Kinetics, Mechanism, and Thermodynamics of the Reversible Reaction of Methylglyoxal

(CH,COCHO) with S(IV)

Eric A. Betterton and Michael R. Hoffmann*

Environmental Engineering Science, W. M. Keck Laboratories, California Institute of Technology, Pasadena,
California 91125 (Received: October 27, 1986, In Final Form: January 19, 1987)

At pH <2 the following rate law for the formation of hydroxyacetylmethanesulfonate (HAMS) from methylglyoxal (MG)
and S(IV) (H,0-SO,, HSO;", SO,¥) is obtained: d[HAMS]/dt = (((koey[H*1/Kyo) + ki + k) [S(IV)][MG]o) /(1
+ Ky + K4[H*1/K,o), where o) and a;, are the fractional concentrations of HSO;™ and SO,27, respectively; &, is the rate
constant for the reaction of HSO;™ with the carbocation aldehyde species (CH;COC*HOH); k, and k, are the rate constants
for the reaction of unhydrated MG with HSO;™ and SO;2", respectively; K is the dehydration constant of hydrated MG;
and K, is the acid dissociation constant of the carbocation. At pH 24 the rate of formation of HAMS is determined by
the rate of dehydration of the diol form of (hydrated) MG: d[HAMS]/d¢ = k4[MG]/(1 + K; + K4[H*]/K,0), where kg
= kw + ky[H*] + kou[OH™] + kA[A] + kg[B], and ky is the intrinsic (water) rate constant; ky and koy are the specific
acid and base rate constants; and k, and kg are the general acid (A) and base (B) rate constants. Between pH 2 and 4,
biexponential kinetics are observed because, under our conditions, the rates of dehydration and of S(IV) addition become
comparable. Over the pH range 0.7-7.0, the dissociation of HAMS follows the rate law: d{S(IV)]/d¢ = ((ko[H*] + k_,
+ ko Ko/ [HY) K [HY [HAMS)) /([H*1? + K 4[H*] + K,3K,4), where k_g, k_,, and k_; are the reverse of the analogous
forward rate constants defined above and K5 and K4 are the acid dissociation constants of the sulforiate anion and the sulfonic
acid, respectively. Experiments to determine the effect of temperature on the rate (and equilibrium) constants indicate a

marked effect of AS* (and AS,gs) on the relative magnitude of these constants.

Introduction

The bisulfite adduct of formaldehyde, hydroxymethane-
sulfonate, has recently been identified in fog and rain water
collected in polluted environments and it has been suggested that
the adduct may be an important reservoir for S(IV), i.e., SO»H,0,
HSO;", and SO,7, in aqueous droplets in the atmosphere.! This
prompted a detailed investigation of the kinetics of the formation
of hydroxymethanesulfonate? and also of the analogous adduct
derived from benzaldehyde, a-hydroxyphenylmethanesulfonate.?
It has become apparent during the course of these studies that
for an aldehyde to be important as a S(IV) reservoir it should
satisfy three conditions. First, it should occur in the environment
at a significant concentration, second it should have a relatively
high effective Henry’s law constant (the combination of the in-
trinsic Henry’s law constant and the hydration constant), and third
it should react rapidly with S(IV) to form a stable adduct.
Formaldehyde satisfies these three conditions but benzaldehyde,
which appears to have a low effective Henry’s law constant and
a relatively low affinity for S(IV), does not.

Laboratory studies* have shown that, in the gas phase, OH*
reacts with substituted aromatic hydrocarbons such as toluene
(which are ubiquitous in the environment)’ to generate ring-
cleavage products which include the a-dicarbonyl aldehydes,
methylglyoxal (CH;COCHO) and glyoxal (CHOCHO). Me-
thylglyoxal may also be a product of the photooxidation of
isoprene, an important naturally occurring hydrocarbon.’ Al-
though the a-dicarbonyls are themselves subject to photochemical
decomposition,’ they have recently been found in rain, fog, and
mist droplets.®
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Methylglyoxal and glyoxal have very large hydration constants®
and so the effective Henry’s law constant for these aldehydes is
also likely to be large; but little is known about the glyoxal-S(IV)
reaction and the methylglyoxal-S(IV) reaction has not been
studied at all. Glyoxal and formaldehyde are reported!® to react
with S(IV) at about the same rate, and the two successive apparent
stability constants for glyoxal~-S(IV) adduct formation are K, >3.7
X 10* M and K, = 3.7 X 10° M~! at pH 7.3, 20 °C, and
unspecified ionic strength 4. We expected that the (single) ap-
parent stability constant for methylglyoxal-S(IV) adduct for-
mation would also be >3.7 X 10> M~! and so both a-dicarbonyl
aldehydes showed the potential for being important S(IV) res-
ervoirs.

The primary aim of this work is to investigate the thermody-
namics and kinetics of the aqueous methylglyoxal-S(IV) reaction
under conditions most applicable to natural systems (i.e., acidic
to neutral pH). (The glyoxal-S(IV) reaction will be the subject
of a separate report.) Previous studies of aldehyde-S(IV)
chemistry have been devoted almost exclusively to formaldehyde>!!
or to benzaldehyde®!? (and its derivatives),!* the only other
aliphatic aldehyde that appears to have been studied in any detail
is isobutyraldehyde.!* Thus, a secondary aim of this work is to
extend the range of aldehydes for this important reaction which
is commonly used to separate and purify aldehydes and reactive
ketones. The final aim of this study is to assess the potential
importance of methylglyoxal as a S(IV) reservoir and to point
out other potentially important aldehydes.

The methylglyoxal-S(IV) system is conveniently discussed in
terms of three types of reaction, viz., dehydration of the diol
(CH;COCH(OH),), formation of the adduct by reaction of S(IV)
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with the unhydrated aldehyde, and dissociation of the adduct.
Each of these areas was studied separately and the ratio of the
formation rate constant to the dissociation rate constant was used
to calculate the stability constant. This is in contrast to previous
studies which used a measured stability constant and a measured
rate constant (either forward or reverse) to calculate the other
rate constant.

Experimental Procedure

Materials. A.R. grade reagents were used except where in-
dicated and high-purity (18 MQ cm) deionized water was obtained
from a Millipore MilliRO-4 MilliQ system. Buffers were pre-
pared’® from HCI/NaCl (pH 0.7-2.0), CICH,COOH/NaOH
(pH 2.5-3.5), CH,COOH/NaOH (pH 4.0-5.5), and
NaH,PO4H,0/Na,HPO,7H,0 (pH 5.6-7.0). They were de-
oxygenated with a stream of nitrogen and filtered (0.2 um Nu-
cleopore) before use. In the case of chloride, acetate, and
phosphate the buffer contributed the entire ionic strength of 0.2
M, but for chloroacetate the total buffer concentration
(CICH,COOH + CICH,COONa) was 0.05 M. The ionic
strength was adjusted to 0.2 M with NaCl which was also used
to maintain the ionic strength at 0.2 M for the acetate, sulfite,
and phosphate catalysis experiments.

S(IV) solutions were freshly prepared from NaHSO; or Na,SO;
and used immediately. They were occasionally analyzed by ti-
tration with As,0;-standardized I, solution;!¢ it was found that
even for NaHSO, the theoretical and actual S(IV) concentrations
agreed. The rate of oxidation of S(IV) to S(VI) was minimized
by storing the solutions under nitrogen and by adding 10° M
EDTA (to retard trace-metal-catalyzed oxidation).!” EDTA had
no observable effect on the kinetics.

Methylglyoxal (MG) (Sigma; 40% aqueous solution) was stored
in the dark at 5 °C and was used without further purification.
An aqueous stock solution (1.36 M) was standardized by titration
with excess NaHSO; followed by rapid back-titration at low pH
with I,. The methad is the same as that described by Salomaa'?
for the determination of glyoxal except that no correction for the
presence of unreacted aldehyde was necessary. The stock solution
was stored in the dark at room temperature. No evidence of
deterioration was found over a period of several months.

Sodium hydroxyacetylmethanesulfonate (HAMS) was prepared
by a method similar to that of Steinbauer and Prey.'® A solution
of 8.13 g of NaHSO; (0.08 mol) in 25 mL of H,O was slowly
added to 13.8 mL of 40% aqueous methylglyoxal (0.09 mol) and
allowed to stand at room temperature in a sealed flask for 24 h.
The solution was evaporated (20 mbar, 40 °C) to a syrup, 50 mL
anhydrous ethanol was added, and the evaporation was repeated.
The resulting viscous liquid was stirred with 50 mL of ethanol
to precipitate a white solid which was filtered on sintered glass
and washed successively with ethanol and anhydrous diethy! ether.
The hygroscopic powder was stored over silica gel in a desiccator.
Yields were 80-90%. The results of elemental analysis (Galbraith
Laboratories Inc., Knoxville, TN) of two separate batches were
the same and, based on % C, indicate the presence of a single
molecule of water of crystallization: (% found, % calculated for
CH;COCH(OH)SO;Na-H,0): C (18.47, 18.56); H (2.97, 3.63);
S (19.05, 16.52); Na (13.93, 12.42). Titration of the salt with
excess I, and back-titration with Na,S,0,!6 showed that the
[S(IV)] was consistent with this formula, i.e., only the monobi-
sulfite adduct was formed, but the method was not sensitive enough
to precisely determine the number of molecules of water of
crystallization which will be taken to be unity.
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Betterton and Hoffmann

Methods. A Radiometer PHM84 pH meter and a Radiometer
GK2421C combined pH electrode were calibrated with Radiom-
eter pH 4.01 and pH 7.00 buffers. Unless otherwise stated, the
temperature of all solutions was 25.0 & 0.1 °C maintained with
Haake water baths. Kinetic results are normally the average of
at least three experiments.

The rate of dehydration of the diol form of methylglyoxal
(CH;COCH(OH),) was determined by measuring the rate of
increase of Ay, the absorbance at 285 nm, (A, for HAMS; ey
~ 57 M~ em™!) which occurred when aqueous methylglyoxal
reacted with excess S(IV) (see Results section for concentration
ranges). The method is based on that of Bell and Evans'® who
used S(IV) as a scavenger to study the analogous dehydration of
methylene glycol. Plots of In (4, — A) vs. time were linear (7°
= 0.99) over 3—4 half-lives from pH 4 to pH 7 and the slope of
these plots gave kgpgq.

Below about pH 3.5 the kinetic traces became biexponential
and the two observed macroscopic rate constants kq, (due to
the first reaction) and kg, (due to the second reaction) were
separated by the normal methods.2 Plots of In (4 — A4.,) vs. time
(at long time periods) gave kg, and plots of In (4’ - A.) gave
kowa) Where A’is the absorbance corrected for the second reaction.
In both cases straight lines were obtained over 3—4 half-lives. At
the relatively low pH of these experiments the intense absorption
of SO»H,0 (&7 = 3.88 X 102 M~! em™)?! dominated the
spectrum and A5 decreased with time as S(IV) was consumed.
It became increasingly difficult to accurately record the small
relative absorbance change as the pH was lowered further and
these experiments were not pursued.

The rate of formation of HAMS (at pH < 2.5) was monitored
at 285 nm by UV-visible spectrophotometry with [S(IV)] «
[methylglyoxal] (the concentration ranges are given in the Results
section). The reaction was initiated by injecting the appropriate
volume (a few microliters) of NaHSOj into 3.00 mL of aqueous
buffered methylglyoxal which was thermostated in a sealed quartz
cuvette. Oxygen was excluded by using syringe—septa techniques.
A blank run in the absence of methylglyoxal showed no change
in absorbance with time.

The rate of dissociation of HAMS was studied by measuring
the rate of formation of I or the rate of loss of I, when HAMS
dissociated in I, solution:

CH,COCH(OH)SO,” —~+ CH,COCHO + HSO,”  (la)

HSO; + I, + H,0 —=» HSO,” + 2H* + 2I"  (1b)

Reaction 1b is extremely fast (k = 2.3 X 10° M~ s7)22 compared
to reaction la, which is consequently the rate-determining step
in the formation of I" or the loss of I,. There is no kinetic dis-
tinction between I, and I;” in this respect since I3~ also reacts with
HSO;™ very rapidly (k = 2.2 X 107 M1 7). 22

Between pH 0.7 and pH 3.5 the rate of dissociation of HAMS
was slow enough to be measured with an ion-selective electrode.
An Orion 94-53 iodide electrode and Orion 90-02-00 double-
junction reference electrode were fitted into a sealed 50-mL
water-jacketed glass cell which was magnetically stirred. The test
solution almost filled the cell so that little head space remained
and I, loss through vaporization, and oxidation of I~ by O, were
minimized. A kinetic run was initiated by injecting a small volume
of HAMS solution (at pH ~2 to minimize the rate of dissociation)
through a Teflon-lined rubber septum into 50.00 mL of I, solution
buffered at the appropriate pH and recording the rate of change
of the electrode potential using an Orion lonalyzer/901 meter.
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Reaction of CH;COCHO with S(IV)

The HAMS solution was used within 2 min of being prepared.
At pH <3 the half-life of the reaction was too long (1.5 h)
to allow stable and repeatable end-point readings to be obtained
(the problem seemed to be associated with electrode drift) and
the experimental technique was modified. A stock of the
HAMS/T, solution was quickly transferred into a series of flasks
which were filled (without head space) sealed and protected from
the light. The flasks were thermostated in a water bath and at
intervals their contents were analyzed for I~ (with the electrode)
and discarded. At the end of each run a calibration curve of the
measured potential (mV) vs. log [I7] was constructed for each
pH (and temperature) with freshly prepared standard KI solutions.
The plots were linear over the several decade units applicable to
these experiments and gave mVy (intercept) and S (slope).
The iodide concentration at time ¢, [I7],, is related to the ob-
served electrode voltage (mV,) by eq 2a which is based on the
mV, - mV)2.303
In (I, = u__s_l)__

In ([S(IV)]. = [SAV)]) = kopsa? + In [S(TV)]..  (2b)

In [exp(2.303(mV., - mV))/S) — exp(2.303(mV, -
mVy)/S)] = <kt + C (2¢)

Nernst equation. This is readily substituted into the first-order
rate eq 2b to give eq 2c where mV., is the end-point potential
measured after >6 half-lives, and C is a constant. Plots of the
left side of eq 2c vs. ¢ were linear over 3~4 half-lives. The cal-
culated [I7]., (from the known [HAMS]) and the observed [I7].,
were in good agreement.

At higher pH (=5.6) the rate of dissociation of HAMS was
too high to follow conveniently with the ion-selective electrode,
and stopped-flow spectrophotometry was used to measure the rate
of disappearance of the I,/1;” peak at 449 nm.2> One syringe
contained I, in the appropriate buffer while the other contained
HAMS in 0.01 M HCI (u = 0.2 M; NaCl). All solutions were
freshly prepared and were protected from the light. The pH of
the mixed solutions (the effluent from the stopped-flow apparatus)
was measured. Duplicate experiments at pH 3.0 showed no
difference between results obtained by the ion-selective electrode
method and those obtained by UV-visible spectrophotometry and
the (nearly overlapping) results obtained at pH 5.5 and 5.6 by
ion-selective electrode and by stopped-flow, respectively, showed
no systematic error.

The equilibrium constants (K) used in the calculations in this
work have been corrected from u = 0 (K°) to u = 0.2 M using
the Davies equation® to calculate the activity coefficients ~:

log v = ~AZ[(4'?/ (1 + p'/?) = 0.2] (3)

A = 0.509 for water at 25 °C and z = ionic charge. [H*] (in
the experimentally observed kinetic data) refers to the measured
hydrogen ion activity (~log pH) and was not corrected, e.g., Kyso,-
= K'%so,-/Yuso; and Kso- = K%o0,Yhso,/¥so~ Equilibrium
and thermodynamic data are summarized in Table I.

(2a)

Results

At low pH (<2.0) the rate of formation of HAMS from MG
and S(IV) is determined by the rate of the S(IV) addition reaction
while at high pH (24.0) the rate of formation of HAMS is
determined by the rate of dehydration of the diol form of MG
(evidence for this will be given later). At intermediate pH
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be published elsewhere.

(27) Calculated from the ratio of the effective Henry’s law constant H*
(6.3 X 107 ref 29) to the hydration constant, 1/Ky (2.53 X 10% ref 28).
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TABLE I: Equilibrium Constants and Thermodynamic Data

_ AHy,

acid A® K5 M K. M kJ/mol ref

H,0-80, 1.23 X 1072 1.68 X 102 =167 25a

HSO; 6.61 X 10 1.69 X 1077 -12.6 25a

CH,;COOH 1.75 X 107 2.40 x 1073 25b

H,PO,” 6.32 X 10% 1.61 X 1077 25a
CH;COCH(OH)SO;” 1.93 x 1070 =204 26

Ay,

equilibrium K¢ kJ/mol  ref

SO,(g) <> SO4(aq) 1.1 ~25.1 25a
HCHO(g) «» HCHO(aq) 2.5 27

HCHO(aq) <> HCH(OH),(aq) 2.53 X 10°  -33.5 28

HCHO(g) <> HCH(OH),(aq) 6.3 X 10°  -53.8 29

CH,COCHO(g) 6.8 X 10
CH,COCH(OH),(aq)

CH,COCHO(aq) < 27X 100 =308 9
CH,COCH(OH),(aq)

2K, = [H*][B"]/[AU™]. At 25°C and u = 0. ‘Corrected to u =
0.2 M using Davies’ equation (ref 24). ¢Estimated from —RT In K and
an assumed value of AS = 150 J/(mol-K) (which is typical for a singly
charged acid dissociating to produce its doubly charged conjugate base;
ref 25a). ¢Dimensionless or M atm™ (for Henry’s low constants).
/Calculated from 1/Ky assuming that K for CH;COCHO(g) «~
CH;COCHO(aq) = 2.5; i.e., that the intrinsic Henry’s law constant is
approximately the same as that for formaldehyde. #Estimated from
AH,, for the analogous reaction involving formaldehyde.

biexponential kinetics are observed. For ease of presentation the
dehydration and addition reactions will be discussed separately
before an overall rate equation is given. Finally the results of the
dissociation kinetics and the temperature studies will be presented.
For convenience, all the relevant reactions, equilibria, and
mass-balance definitions are given now by eq 4, 5, and 6.

Dehydration. Preliminary experiments showed that between
pH 4.0 and 7.0, k. was independent of [MG] ((0.5-5.0) X 1073
M) but the reaction was catalyzed by S(IV) (2.50 X 1073-1.56
X 107! M), by phosphate (5.00 X 1072-1.25 X 107" M total
phosphate), and by acetate (5.00 X 1072-2.00 X 107! M total
acetate). There was no direct relationship between kg4 and pH
at fixed [MG] and [S(IV)]. This behavior is similar to that
reported for the dehydration of methylene glycol.!® In the fol-
lowing reaction sequence we assume that the keto carbonyl of
methylglyoxal is unhydrated.

k
CH;COCH(OH), <> CH;COCHO + H,0  (4a)
h

k

CH;COC*H(OH) + HSO;™ + CH;COCH(OH)SO;™ + H*
<

(4b)

k

CH;COCHO + HSO;™ = CH;COCH(OH)SO;™  (4¢)
-1
k

CH;COCHO + S0, = CH;COCH(0)SO;™  (4d)
-2

Ky
CH,COC*H(OH) <> CH,COCHO + H*  (5a)

Kﬂ
H,0-S0, <> HSO,” + H* (5b)
Kl
HSO,™ <* SO, + H* (5¢)

. K,
CH,COCH(OH)SO;™ <> CH,COCH(0)SO; + H*  (5d)

CH,COCH(OH)SO,H & CH,COCH(OH)SO,™ + Ht (5¢)
[MG] =
[CH,COC*H(OH)] + [CH;COCH(OH);] + [CH,COCHO]
(6a)
[HAMS] = [CH,COCH(OH)SO,;H] +
[CH,COCH(OH)SO,] + [CH,COCH(O)S0,] (6b)
[S(IV)] = [H,0-SO,] + [HSO;] + [SO;*]  (6¢)
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TABLE II: Kinetic Data for the Dehydration of CHy,COCH(OH),*

Betterton and Hoffmann

pH buffer 10°[A], M 104 [MG], M 10°[S(IV)], M 10%k gpeg, 571 10%’, M1 57!
7.00 phosphate 3.50 5 5 472 + 0.05 1.19¢
1.89 5 5 312 +£0.1
1.04 5 5 2.27 £ 0.07
3.50 5 2.5 470 £ 0.1
7.00 S(Iv) 0.19 5 5 1.24 £ 0.01¢
6.97 S(IV) 1.74 5 44,754 1.65 £ 0.03 1.19
6.40 phosphate 8.92 5 S 3.86 £ 0.05 1.18¢
4.70 5 5 2,62 +0.2
. 2.45 5 5 1.90 £ 0.05
6.40 S(1V) 0.35 5 S 1.18 + 0.05¢
6.33 S(1V) 4,74 5 64.47¢ 1.89 + 0.03 1.12
6.00 phosphate 13.34 5 5 3.17 £ 0.07 0.86°
6.95 5 5 2.14 £ 0.07
3.56 5 5 1.44 £ 0.05
13.34 5 2.5 3.07£0.2
13.34 50 25 3.51 £ 0.01
6.00 S(1V) 0.43 5 S 0.86 + 0.1¢
5.93 S(1V) 6.83 5 78.134 1.64 £ 0.02 0.81
5.00 acetate 5.88 25 2.5 1.48 + 0.09 0.63¢
2.94 25 2.5 1.10 & 0.02
1.47 2.5 2.5 0.91 £ 0.03
0.74 2.5 2.5 0.72 £ 0.03
4.50 acetate 11.37 2.5 25 1.79 £ 0.04 0.57¢
1.42 2.5 25 0.75 £ 0.06
4.00 acetate 16.13 2.5 2.5 2.33 £ 0.07 0.84¢
2.16 2.5 2.5 1.06 £ 0.04

9At 25 °C; u = 0.2 M. Error limits throughout this work are + one standard deviation. ®[A] = [buffert]/(1 + log™! (pH - pK,)); ref 15:. Taken
from the intercept of the phosphate line at the same pH. 4[S,05%7] < 1% [S(IV)]; ref 30b. ¢Correction for S(IV) catlaysis included (see text).

[SIV)], > [MG], (the subscript indicates initial concentration),
the equilibrium lies far to the right, and the hydration reaction
involving &y, in eq 4a has been ignored. This approximation implies
that SO,% is such a good nucleophile compared to H,O that under
our experimental conditions k,[SO;>"] > ky[H,0]. From pub-
lished polarographic studies® we estimate that k, ~ 1 M~ s and
hence k,[H,0] ~ 55 5™}, whereas our kinetic studies (see later)
show that k&, ~ 108 M~! 57! and so k,[SO3%] > ~10° 7! which
justifies our assumption. We also assume that reactions 4b—d and
the proton-transfer equilibria of eq 5 are rapid compared to the
dehydration step. Then the formation of HAMS as a function
of time is given by ,
k4[MG]

dHAMS]/di = i e ()

and

(1 - e*) [MG],
[HAMS] = (7b)
1+ K, + K,[H*] /Ko

where Ky is defined by
K4 = ky/ky = [CH;COCHO])/[CH;COCH(OH),;] (7¢)

This predicts the observed simple first-order kinetics where kg
= k4. K, is the dehydration constant, K, is the acid dissociation
constant defined by eq 5a, and [MG] is the sum of free aldehyde,
hydrated aldehyde, and protonated hydrate shown in eq 6a. The
macroscopic dehydration rate constant, k4, may be written as the
sum of several microscopic rate constants'®

kd = kw + kH[H+] + kOH[OH_] + kA[A] + kB[B] (83)

where ky is the intrinsic or “water” rate constant, ki and kgy
are the rate constants associated with specific acid and base
catalysis, respectively, and k, and kp are the rate constants as-
sociated with a general acid—base pair(s) A-B. At constant pH,
where [B]/[A] = K,/[H*] = X, eq 8a simplifies to

kg = k' + (ks + Xkg)[A] (8b)
At fixed [MG], and [S(IV)]g, plots of ks vs. [A] were linear
with non-zero intercepts. Values of k4 and kg were obtained by

varying the pH (and thus the buffer ratio, X) and k’ was given
by the intercept of the straight-line graphs. Since S(IV) was

TABLE III: Rate Constants for Catalyzed Diol Dehydration

A ko M7 571 kg, M1 57!

a. Methylglyoxal®

H,0 (0.9 £0.3)/55.5) x 102 (3.1 £ 1.4) x 10*

H,PO,” (7.7 £ 0.8) X 1072 (56.9 £ 0.8) X 1072

HSO;” (11.6 £ 1) X 1072 (9.2 % 1.3) x 1072

CH,;COOH (8.6 £0.2) X 1072 ({23 £0.1) x 1072

H,;0* 28 £+ 14 (0.9 £ 0.3)/55.5) X 107
b. Formaldehyde®

H,0 (0.51/55.5) x 107 1.6 X 10?

H,PO, 8.8 X 1072 39 X 1072

HSO;- 22 %X 1072

CH,COOH 4.3 x 107? 2.2 %1072

H,0* 2.7 (0.51/55.5) x 1072

At 25 °C; u = 0.2 M. °®Reference 19; 25 °C; u = 0.2 M (7).

always present as a scavenger it was also always present as a
catalyst for the dehydration reaction in the acetate and phosphate
buffers and so eq 8a contained two k, and two kg terms (except
when the buffer was HSO,7/S0,;*). Thus &’ derived from the
acetate and phosphate buffer experiments included a contribution
from kyso,- and from kgg.>-, and k’.required a correction. The
experimental data are summarized in Table II where values of
k’ have been corrected for the presence of S(IV) by using the
experimentally determined values of kygo,- and kg, ie., k' =
kw + ky[H*] + ko [OH]. 1t is assumed that NaCl is cata-
Iytically inert. Approximate values of ki and koy were obtained
by plotting k’vs. [H*] which gave ky (for pH 4.00-5.00) and
kop (for pH 5.97-7.00) from the slope. (Both [H*] and [OH"]
were calculated from the measured pH.) These data were then
used to calculate an approximate value for ky, using the average
of all the k" data from pH 4.00 to 7.00. It should be noted that
these are approximate values only. The “catalytic” rate constants
are summarized in Table I1I and the Bronsted plot for the general
bases B is shown in Figure 1. The slope of the least-squares
straight line is 0.58 and the coefficient of correlation is 0.994. A
plot of log k, vs. pK, has a slope of ~0.34 but shows more scatter
(coefficient of correlation = 0.958).

Rate of Formation of HAMS. At low pH, where H,0-SO,
absorbs intensely,? it was convenient to study the formation
reaction with [MG], > [S(IV)],. This also made k4 insensitive
to slow S(IV) oxidation. From pH 0.7 to pH 2.0 the formation
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Figure 1, Bronsted plot for the general base-catalyzed dehydration of
CH,COCH(OH),. The slope of the least-squares line is 0.58.
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Figure 2. Pseudo-second-order rate constants for the formation of hy-
droxyacetylmethanesulfonate as a function of pH. The straight line is
a least-squares fit of the data.

TABLE IV: Kinetic Data for the Rate of Formation of HAMS*

10k gpea/ [MGlo,

pH 10)[MG], M 10*[S(V)]o, M M- g7l

0.78 0.5-1.0 0.5-1.0 1.61 & 0.03
1.04 0.5-1.0 0.5-1.0 293 £ 0.02
1.21 0.5-1.0 0.5-1.0 4.17 £ 0.13
1.31 0.5-1.0 0.5-1.0 4.93 £ 0.34
1.43 0.5-1.0 0.5-1.0 6.19 + 0.39
1.54 0.125-1.0 0.25-1.0 7.87 £ 0.30
1.74 0.5-1.0 0.5 12.26 & 0.09
185 0.5-1.0 0.5 16.06 % 0.58
2.03 0.5-1.0 0.5 24.13 & 1.10

At 25 °C; u = 0.2 M; [MGJo/[SIV)], 2 10.

reaction showed simple pseudo-first-order kinetics and k4 Was
independent of [S(IV)], ({0.50-1.00) X 10? M) but was de-
pendent on [MG], ((0.50-1.00) X 1072 M) with [MG], 2 10-
[S(IV)]e. Plots of ke vs. [IMG], were linear and passed through
the origin; i.e., the y intercept was 0 ® 20. The calculated
pseudo-second-order rate constants, Kpeq/[MGlo, are given in
Table IV, and they are plotted in Figure 2 which shows the linear
increase of log (kqpeq/[MG]o) with pH.

If we assume that the diol dehydration equilibrium (eq 4a) is
established rapidly in this pH region and that the simple pro-
ton-transfer reactions (eq 5) are rapid, then eq 4 leads to the
following rate law for the loss of S(IV) (and the formation of
HAMS)

~d[savy]
dt -
ko o [H*] [MG]oKy
( K,  That kzaz)[s(w)]l + K, + KJH) /Ko

)

0 20
| /THT (M)
Figure 3. Rate of formation of hydroxyacetylmethanesulfonate at low

pH plotted to obtain k, (from slope/K,;Ky) and ky/K,o (from inter-
cept/K;1Ky). The straight line is a linear least-squares fit of the data.
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Figure 4. Linear plot of all the rate of formation data (for hydroxy-
acetylmethanesulfonate) used to obtain k, (from slope/K,,) and a second

estimate of k, (from the intercept). The straight line is the linear
least-squares fit of the data.

(M)

in which the pseudo-first-order approximation [MG] ~ [MG],
has been made, and where «, and a,, the fraction of HSO;™ and
SO, respectively, are given by eq 10a and 10b:

_ K, [H*]
[H+]2 + Kal[H+] + KalKaZ
oy = 1K,/ [H*] (10b)

The magnitude of K,q is unknown, but it is almost certainly much
greater than Ky[H*] (K, for benzaldehyde is ~107 M)*! and K
<< 1 so that eq 9 may be simplified and written in terms of kg

kosa | ko on[H*]
[MG], Ky

(10a)

ay

+ klal + k20t2)Kd (lla)

AtpH £1.5, a; ~ K,;/[H*] and &; ~ 0 and so eq 11a becomes
eq 11b. The linear plot of kype/[MGJ vs. 1/{H*] is shown in

kopa/[MGlo = koK, Ky/Kqo + k1K, Ky/[H']  (11b)
Figure 3. The value of ko/K,o = (8.25 £ 2.1) X 10° M 257l is
given by the intercept/K,; Ky, and k; = (3.44 £ 0.1) X 10°* M™!
s”! is given by slope/K,,K;. Equation 11a may be rearranged to
obtain k, and a second estimate of k, (using all the experimental
data):
k2K32

(H']

k k
= L[H] =k, +

———— llc
[MGlomKs ~ Kuo (1e)

(31) Yates, K.; Stewart, R. Can. J. Chem. 1959, 37, 664-7.
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The linear plot of the left side of eq 11c vs. 1/[H*] is shown in
Figure 4: slope/K,, = k, = (3.66 + 0.14) X 10* M~! 5! and
intercept = k; = (3.45 £ 0.12) X 10° M~' 57! (in good agreement
with the low-pH data). It was not possible to extend the formation
studies to higher pH where the approximation koo, [H*]/K,o ~
0 would be valid because of the complications introduced by the
appearance of biexponential kinetics at pH >2.5.

Overall Rate Equation. Between about pH 2.5 and 3.5 the
kinetics of both the dehydration reaction (with [MG] « [S(IV)])
and the formation reaction (with [MG] >» [S(IV)]) were com-
plicated by the appearance of a second reaction. The second
reaction was not due to the chloroacetate buffer used in this pH
region because unbuffered solutions containing only NaCl as the
inert electrolyte showed the same behavior. Under the conditions
of the dehydration experiments, there are two consecutive
“irreversible” reactions represented by eq 12a and 12b since the
equilibrium lies far to the right

k
CH,COCH(OH), — CH,COCHO +H,0 (12a)

k.
CH,COCHO + S(IV) — HAMS (12b)

where the rate constant kg for the S(IV) reaction is given by eq
12¢ (cf. eq 9):

ks = ((kooay [H*]/Ky0) + kyey + kyey)[S(IV)]  (12c)

Since [S(IV)] » [MG], eq 12a and 12b are consecutive

(pseudo) first-order reactions and substitution into the integrated
expression®® for this type of reaction gives

[HAMS] =
L+ o ! = (ke kde"‘S')}[CH3COCH(OH)2]O (13a)
d 7 RS
or
[HAMS] =
MG
|+ (ke — ke [MGlo (13b)
kd - ks 1 + Kd + Kd[H+] /Kao

When the rates of dehydration and addition are approximately
equal, i.e., when k4 ~ kg, then eq 13 predicts that biexponential

kinetics would be observed but when kg > kg4 then, as we would

expect, eq 13b reduces to eq 7b derived for the dehydration re-
action. Conversely when k4 > kg eq 13b reduces to eq 14a.

(1 - &%) [MG],

/ [HAMS] = — ¥ KlHT/EL (14a)

This is the same as the integrated form of the rate expression for
the formation of HAMS from MG and excess S(IV), i.e., the
integrated form of eq 9 but with [S(IV)] ~ [S(IV)]y

-d[S(IV)] /dt = d[HAMS)] /dt = ks[CH,COCHO] =
ks([CH,COCH(OH),], ~ [HAMS]) (14b)

and
[HAMS] = (1 - e*)[CH,;COCH(OH),];  (l4c)

Since both k4 and kg include terms involving [S(IV)], the
observed macroscopic rate constants Kgpeg; and kgq, both increase
with [S(IV)] and plots of both kqeq; and kgpegs vs. [S(IV)] were
linear. However, it was difficult to obtain reproducible results
at pH <3.5 because of the small absorbance changes which were
superimposed on the large background signal (see Experimental
Section) and consequently quantitative results for the dehydration
experiments in this pH region are not reported. Qualitatively,
the observed rate constants were consistent with those obtained
at higher pH.

Rate of Dissociation of HAMS. The rate of dissociation of
HAMS in the presence of I, was independent of [I,] ((0.37-1.00)
X 1073 M), [I7] ((0-1.00) X 10~ M added I'), and [HAMS],

Betterton and Hoffmann

0 T T T T T T

pH

Figure 5. Rate of dissociation of hydroxyacetylmethanesulfonate as a
function of pH. The solid line is calculated by using eq 15 and the broken
line is an extension of a least-squares line (of unit slope) for pH > 3.

TABLE V: Kinetic Data for the Dissociation of HAMS*

pH  10(HAMS], M 104L]p, M Kopear 57

0.77 8.6 7.5 (5.78 % 2.1) X 107
1.35 16.0 10.0 6.33 X 10

2.03 16.0 10.0 (1.81 £ 0.10) X 107
2.36 16.3 10.0 3.49 X 107

2.52 16.0 10.0 (4.78 % 0.30) x 10°
3.00 8.4 7.5 (1.24 % 0.03) x 107
3.00° 7.8 7.6 1.26 X 10

3.50 8.5 7.5 3.15 X 107

4.00 8.5 7.5 (9.40 £ 0.63) X 10~
4.50 8.4 7.4 (3.09 £ 0.09) X 107
5.00 11.7 5.0 (9.26 % 0.35) x 107
5.00 5.8 5.0 8.92 X 1073

5.00 15.9 10.0 (9.30 £ 0.47) X 107
5.50 8.5 7.5 (2.86 % 0.06) X 102
5.61° 5.1 3.7 (3.95 £ 0.03) X 10
6.24¢ 5.2 3.9 (1.74 £ 0.03) X 107!
6.72¢ 5.1 38 (5.43 £ 0.29) X 107!
6.98¢ 5.1 3.7 (8.58 + 0.10) X 10°

2At25°C; u = 0.2 M. ®By conventional UV /vis spectrophotometry
at 458 nm. By stopped-flow spectrophotometry at 449 nm,

{(0.51-2.34) x 10™* M) with [I,]g = S[HAMS],, but kg was
proportional to 1/[H*] (see Figure 5). The experimental data
are summarized in Table V. Since [I;] was always in excess of
[HAMS] the formation reaction, i.e., terms involving kg, &, and ~
k,, can be ignored and eq 4 leads to eq 15 for the rate of release
of S(IV) (and consequently the rate of production of I7; see
Experimental Section).

d[S(I1V)]
dt

K4 [H*][HAMS]

kolHY] + ke, + 2K
- THY ) [HY? + Ku[HY] + KoKag
(15)

Although a-hydroxysulfonic acids are generally considered to
be strong acids, little consistent quantitative data are available.
For example, the pX, of a-hydroxybenzenesulfonic acid has been
estimated!? to be as low as 8.6 but a qualitative titration® yielded
pK, ~0.7. If we assume that the pK, of a-hydroxyacetyl-
methanesulfonic acid lies between these two extremes at pK, ~-3,
then K,, = 10 and at pH <3, [H*]? and K,,K,; « K,[H*] and
eq 15 may be written as

k-ZKa3
(H*]
The plot of kg vs. 1/[H*] (0.88 < pH < 3) is linear (see Figure

kobsd = k—O[H+] + k—l + (16)
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Figure 6. Rate of dissociation of hydroxyacetylmethanesulfonate at low
pH plotted to obtain k_; (from the intercept) and k_, (from slope/K,s).
The straight line is a least-squares fit of the data.

6) which implies that k_;[H*] « k_,. Taking the intercept on
the y axis to be equal to k_;, and k_, = slope/K,; we calculate
that kg <« 2.5 X 107557}, k_, = (4.18 £ 0.47) X 1057, and k_,
= (6.79 £ 0.13) X 10° s7!. Inspection of Figure 5 shows that
k_4[H*] must be small even at pH 0.7 because, although the line
shows some curvature, there is no indication of an increase in rate
as the pH drops further. This is in contrast to the analogous pH
profile for p-methoxyacetophenone bisulfite!®> which shows a
pronounced minimum in the curve at pH 2.5. Since k,K,;/[H*]
» k_o[H*] and k_; at pH >3.0, a plot of log k.4 vs. pH should
be linear with unit slope and an intercept of log k_,K,, (Figure
5). The slope of the straight line is 0.99 + 0.01 and (log™" (in-
tercept))/K,; = (6.00 £ 0.65) X 103 5™, The average value of
k_, is thus (6.40 + 0.56) X 10° s,

Temperature Studies. The dependence of k; and k, on tem-
perature from 15.0 to 40.0 °C was determined at pH 1.05 and
1.30 for k;, and at pH 1.76 for k,. The slope of a plot of
kowsd/[MGJp vs. 1/[H*] gave k, at each temperature (eq 11b)
and k, was calculated from eq 11a assuming that ko[H*]/K,, is
a constant equal to 1.43 X 10> M~' 571, K,,, K,,, and K, were
corrected for temperature by using the integrated van’t Hoff
equation and the enthalpies listed in Table I. Graphs of In (k,/7T)
vs. 1/T and In (k,/T) vs. 1 /T were linear, as expected from the
transition-state theory, with AH* = (-slope/T) and AS* =
((intercept ~ In «/h)R); where « is Boltzman’s constant, 1.380
X 1072 J/K; h is Planck’s constant, 6.626 X 10 J s; and R is
the gas constant, 8.314 J/(K-mol). The calculated values of AH*
and AS* are given in Table VI

The dependence of k_; on temperature at pH 2.40 was deter-
mined from 25.0 to 47.9 °C because at low temperature the
reaction became inconveniently slow. The temperature range for
determining the effect of temperature on k_, was 15.0-40.0 °C
at pH 4.54. At this pH, k_,K,;/[H*] > ko[H*], k_;, and eq 16
becomes eq 17 which was used to calculate k_,. K,; was corrected

kobsd = k—2K33/[H+] (17)

for temperature and k_; was calculated from eq 16 assuming that
k3[H*] = 0. An extrapolated value for k_, at 47.9 °C was
included in the latter calculation. Linear plots of In (k/T) vs.
1/T yielded the activation parameters summarized in Table VI.
Linear graphs of RIn K| and RIn K, vs. 1/T, where K; = k;/k_,
and K, = k,/k_,, gave AH,o; and AS,o, for eq 4¢c and 4d (Table
vI).

Discussion

Within the limited range of catalysts and catalyst concentrations
studied here, the dehydration of the diol of methylglyoxal is clearly
the rate-determining step in the formation of HAMS at pH >4.0
and the rate of dehydration is subject to acid and base catalysis.
A comparison of the rate constants k, and kg found for CH,C-
OCH(OH), with those reported!® for HCH(OH), (Table III)
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TABLE VI: Thermodynamic Parameters for Some Aldehyde-S(IV)
Systems

reaction

path AH* AS* AH 5 ASge8°
a. Methylglyoxal®

k 29.0 £ 3.2 -77.7 £ 10.8

k, 182+ 44 -22.6 = 144

k_ 81.7x11.5 -61.6+37.3

k_, 70.6 £ 0.7 +61.9 + 2.4

K, - -545£09 -270x13

K, -52.7£07 -857=x0.5
b. Formaldehyde?

k, 24.9 -108.0

k, 20.4 -31.7

K¢ -546 1.1 -57.6=%x3.7
c. Benzaldehyde/

k, 36.6 -142

k, 36.0 -58.1

K, —64.6 —-146

¢This work. The cumulative error of all the corrections (see text)
led to larger than normal scatter and large uncertainties in the calcu-
lated values of AH and AS. ®Units are kJ/mol. ¢Units are J/(mol-K).
4Reference 2. ¢Reference 1le. /Reference 3.

H
H H H
I |
0) O—H--] (If cl) H\O/---H—B\
— - — — — [
CHs Lc_o___ ? ===  CHy—C==(—0H + v
H H ,l{

Figure 7. The acid (B-H) catalyzed hydration and dehydration of me-
thylglyoxal may involve hydrogen bonding of water to the keto carbonyl

group.

shows that while there is no major difference in the effect of the
catalysts on either diol, the catalysts have a stronger effect on
methylglyoxal dehydration. Bell and Evans!® were unable to detect
catalysis by HSO;™ but we find that its catalytic effect on
CH;COCH(OH), dehydration is quite marked. The anionic acids
such as H,PO,~, H,POs™, and H,AsO, are effective catalysts for
methylene glycol dehydration and so our observation that HSO;~
is a catalyst is not entirely unexpected. The catalytic effect of
HSO;™ may be associated with the formation of a hydrogen-
bonded intermediate involving the keto carbony! group of hydrated
methylglyoxal—a pathway which would not be available to
methylene glycol. A possible structure for such an intermediate
is given in Figure 7. The rapid hydration of neutral pyruvic acid,
CH;COCOOH (but not its conjugate base CH,COCOO™ or
CH;C(OH),COQ") has been suggested?®=2 to occur through an
intramolecular catalysis by the carboxyl group. Our data are
consistent with the proposal®® that catalysis of the aldehyde
dehydration reaction occurs through a concerted mechanism in-
volving several molecules of water.

The extensive set of rate constants compiled by Bell and Evans'®
shows that in general k, decreases with an increase in the pK,
of the catalyst while ky increases.” We observe the same trend
(for the conjugate bases at least; see Figure 1) but over a more
limited range of catalysts (Table IT1I). The coefficients (i.e., the
magnitude of the slope) of the Bronsted plots obtained for the
base catalysts (0.58) and for the acid catalysts (0.34) are com-
parable to the analogous coefficients reported®® for the catalyzed
dehydration of formaldehyde (0.45 and 0.23, respectively) and
for the dehydration of acetaldehyde (0.45 and 0.54, respectively).
The strong correlation of k, and kg with the pK, of the catalyst
in Bronsted plots has been discussed in detail by Bell and Evans'®
and by Bell.2?

There is insufficient information to make a direct comparison
of our dehydration rate constants with those of Wasa and Musha,’
determined polarographically, but they report k; = 2 X 107257

(32) (a) Eigen, M.; Kustin, K.; Strehlow, H. Z. Phys. Chem. (Frank-
Sfurt/Main) 1962, 31, 140-3. (b) Strehlow, H. Z. Elektrochem. 1962, 66,
392-6.
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at pH 7 (and unspecified u) which is consistent with our results
which are in the range (1.24-4.72) % 1072 57! at pH 7. At about
pH 2.5-3.5, where biexponential kinetics are observed, we propose
that the rate of dehydration is catalyzed sufficiently by the in-
creased [H*] to become comparable to the rate of addition of
S(IV) to the free aldehyde so that both reactions become ex-
perimentally observable. By setting the rate of dehydration (eq
7a) equal to the rate of S(IV) addition (eq 9) it is possible to
construct a pH-S(IV) profile which divides the region where
dehydration is rate determining from that where S(IV) addition
is rate determining. Although the edges of the “envelope™ in Figure
8 will be blurred by the presence of catalysts, it demonstrates that
under the conditions where we observed biexponential kinetics (pH
2.5-3.5, S(IV) 10°-10"% M) we were indeed working in the
boundary area. The boundary line was drawn assuming no general
catalysts except S(IV) are present. This behavior has recently
been postulated®® to occur for formaldehyde but this is the first
experimental evidence for a change in the rate-determining step.

At pH =2, where dehydration is much faster than S(IV) ad-
dition, the observed kinetics are due solely to the reaction of
CH,;COCHO with S(IV). The mechanism is similar to that
proposed for the analogous benzaldehyde® and formaldehyde?
systems. One difference, however, is that no reaction between
HC*H(OH) and HSOy, i.e., the equivalent of eq 4b, was pro-
posed? for formaldehyde. Evidence for this reaction comes from
a nonzero intercept in the kgs/[RCHO], vs. 1/[H*] plot at low
pH, e.g., Figure 3, but the small intercept ((3.30 £ 0.52) X 1072
M-!s71) was considered to be insignificant in the case of form-
aldehyde.? If the intercept is in fact real then we have the following
series for ky/K,;: CH;COCHO ((8.2 £2.1) X 10* M257") >
HCzHC]) ((3.6 £ 0.6) X 102 M257") > CaH;CHO ((2.5 = 1.5)
M2,

It should be noted that the kinetic evidence for reaction 4b is
ambiguous since it cannot be used to distinguish this pathway
involving a carbocation and HSO;™ from one involving the free
aldehyde and H,0-SO,. If the latter occurs then eq 4b and 5a
are replaced by eq 18a and 18b. The expression for k.4 becomes

o
CH,COCHO + H,0-80, > CH,COCH(OH)SO;" + H*

(18a)

o = o [H*] /K, (18b)

kobsg = ko'Kg + dutls (18¢c)
[H*]

eq 18c at low pH when ag ~ 1, and the magnitude of the intercept
of a plot of kyyg vs. 1/[H*] would then be interpreted as being
a measure of kg’ (= (5.1 £ 1.3) X 1072 M~ s7!) instead of ky/ K.
However, H,0-S0; is unlikely to be a strong nucleophile and
Young and Jencks'? have argued in favor of a pathway involving
a carbocation at low pH in the dissociation of the p-methoxy-
benzaldehyde—S(IV) adduct.

Our kinetic data confirm that SO;%" reacts much more rapidly
with aldehydes than does HSO;™ (or H,0-80,): k; ((3.68 £ 0.14)
X108 M1 s71) 3> &, ((3.43 £0.11) X 10* M1 s7") (3> k¢ ((5.1
#+ 1.3) X 1072 M™! s7!)). The rate of reaction of SO;* with
methylglyoxal is the fastest yet reported for the reaction of SO,
with any aldehyde. The ratio k,/k, for methylglyoxal, form-
aldehyde, and benzaldehyde is 1.14 X 10°, 3.14 X 10%, and 3.02
X 10% respectively. The ratio appears to be anomalously high
for methylglyoxal but it is not clear why.

(33) Olson, T. M.; Hoffmann, M. R. Atmos. Environ. 1986, 20, 2277-8.

(34) Munger, J. W.; Jacob, D. J.; Hoffmann, M. R. J. Atmos. Chem. 1984,
1, 335-50.

(35) Perrin, D. D.; Dempsey, B.; Serjeant, E. P. pK, Prediction for Organic
Acids and Bases; Chapman and Hall: London, 1981.

(36) Grosjean, D. Environ. Sei. Technol. 1982, 16, 254-62.

(37) Blackadder, D. A.; Hinshelwood, C. J. Chem. Soc. 1958, 2720-7.

(38) Preliminary results obtained at pH 4.31 and p = 0.2 M (NaCl) by
the method described in ref 11e. Full details will be published elsewhere.
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Figure 8. Rate of formation of hydroxyacetylmethanesulfonate deter-
mined by either rate-limiting S(IV) addition or rate-limiting dehydration
depending on pH and [S(IV)]. The boundary line between the two
regions is calculated by equation eq 7 with eq 9 assuming that S(IV) is
the only general acid/base catalyst present.
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Figure 10. The high entropy of activation, AS*, of the pathways involving
HSO;™ may be associated with the formation of a cyclic intermediate (a)
whereas reactions involving SO, (b) and the postulated carbocation (c)
would not involve cyclic species.

The dissociation of HAMS occurs by two major pathways with
the expulsion of SO:* (k_, = (6.79 £ 0.13) X 10 s™) being much
more rapid than the expulsion of HSO;™ (k_; = (4.18 £ 0.47) X
107® s™'). The large difference between k_, and k_, must be at
least partly due to the charge difference between CH;COCH-
(O7)SO;™ and CH;COCH(OH)SO; but it may also reflect
structural features in the transition-state complex (see later).

The ratio of k,/k_; and k,/k_; gives the corresponding stability
constant for reactions 4c and 4d, respectively: K, = (8.21 £1.2)
X 108 M, K, = (5.42 £ 0.72) X 10* M~'. It can be seen that,
although CH;COCH(OH)SO;™ is the thermodynamically fa-
vorable product (K, > Kj;), it is mainly formed via the less
thermodynamically stable doubly charged anion, CH;COCH-
(O7)SO;, (ky > k;) which then rapidly acquires a proton to give
HAMS. This is made clear in Figure 9 which summarizes the
thermodynamic and kinetic data for the methylglyoxal-S(IV)
system.

The thermodynamic activation parameters AH* and AS* (Table
VI) may indicate why the kinetic behavior of SO;>" and HSO;~
should be so different. Although AH*y, is less than AH*,; , the
major influence on the rate constant comes from AS* which is



Reaction of CH;COCHO with S(IV)

The Journal of Physical Chemistry, Vol. 91, No. 11, 1987 3019

TABLE VII: A Comparison of Some Aldehyde-S(IV) Equilibrium and Rate Constant Data®

R-CHO a*b ko MsT gy, M1 K", M- K", M K, ko, s ko
CCl;- 2.65 3.6 X 1075

CH,;CO- 181 345X 10° 366X 108  8.21 X 108 542X 100 37X 10% 418X 10°  6.40 X 10°
CeHs- 075 071 22X 10% 481 x10%  1.2x10¥ 37X 10% 1.8 X 10%
H- 049 79X 10%  25x10™ 657 x10% 22X 109 55%10%  22x10% 43 x10Y
CH;- 0.00 6.8 X 10 0.65¢

i-Pr- -0.19 14X 10 438 X 10* 2.3

2 At 25 °C; u variable (see original reference). Some data are not self-consistent. ®Reference 35 “Reference 28. 9Reference 9. ¢Reference 3.
Ky assumed to be =10. /Calculated from K = kyard/Kreversee 2 Reference 12c. *Reference 2. Reference 11le. /Reference 11a. *Reference 38.
mReference 14. "K; = {[R-CH(OH)SO;™]/([R-CHO][HSO;)) and X, = [R-CH(0")S0;7]/([R-CHO][SO;*7]).

much more positive for SO, than for HSO;: AS*,, = -22.6
% 14.4 J/(mol-K), while AS*, =-77.7 £ 10.8 J/(mol-K). This
observation could be explained by the proposal? that the transition
state involving HSO;™ (k) involves a highly ordered cyclic in-
termediate whereas that involving SO52~ (k,) does not (see Figure
10). However, a cyclic intermediate is not the only explanation.
For example, an alternative explanation could invoke a structured
proton-catalyzed pathway for SO,* addition which would be
kinetically indistinguishable. The comparable thermodynamic
data for formaldehyde and benzaldehyde are also given in Table
VI. The activation parameters for the dissociation reaction show
the same features; i.e., the relative magnitude of the rate constant
is largely determined by AS* which is more positive for k_, than
for k_;. The doubly charged anion CH,;COCH(O)SO; in fact
appears to have a positive AS* for the path involving elimination
of SO,

AH;q and AS,4 for eq 4b and 4c are compared to those for
benzaldehyde and formaldehyde in Table VI where the entropy
term is again seen to be important: while AH,es (for K;) is
approximately the same for methylglyoxal, formaldehyde, and
benzaldehyde, AS,5; becomes progressively more negative in the
order methylglyoxal > formaldehyde > benzaldehyde.

We have assumed that addition reactions occur only at the
aldehyde carbonyl and not at the ketone carbonyl site in CH,C-
OCHO. This assumption is based on the fact that aldehydes are
well-known to be generally more reactive than ketones both
thermodynamically*® and kinetically.’® Elemental and chemical
analysis of the adduct prepared during the course of this work
supports the assumption since we found only one mole of S(IV)
per mole of aldehyde.*

Since k,; and particularly &, are so large for methylglyoxal it
is possible that mass transport could become the rate-limiting step
for the formation of HAMS in naturally occurring water droplets
if dehydration of the diol is strongly catalyzed, but it is difficult
to test this idea because many assumptions need to be made
(droplet size, ionic strength, temperature, and particularly the
nature and concentration of catalysts). However, it is possible
to compare the rate of S(IV) scavenging by methyiglyoxal with
the rate of S(IV) scavenging by formaldehyde under conditions
where mass transport and dehydration are unlikely to become
rate-limiting. If we assume the following partial pressures for
gaseous species in an open system: Pgg, = 20 ppbv, Pycyo = 5
ppbv, Pyg = | ppbv, then at pH 3 and 25 °C the rate of formation
of hydroxymethanesulfonate is 5.38 X 10 M h~!2 while that of
hydroxyacetylmethanesulfonate is found to be 2.19 X 107 M h!
by using eq 9 and the appropriate Henry’s law relationships. This
is 4 times greater than the rate of formation of hydroxy-
methanesulfonate. (Pgq, = 20 ppbv is equivalent to 4 X 107 M
S(IV) and thus at pH 3 the rate of the S(IV) addition reaction
is rate-determining (see Figure 8). Py = 1 ppbv is equivalent
to 6.83 um MG in the aqueous phase which is the same order of

(39) (a) Greenzaid, P.; Luz, Z.; Samuel, D. J. Am. Chem. Soc. 1967, 89,
749-56. (b) Greenzaid, P.; Luz, Z.; Samuel, D. Trans. Faraday Soc. 1968,
64, 2780-6.

(40) Further indirect support comes from a consideration of the linear plots
of log (1/K,) vs. Taft’s o* parameter which are also based on the assumption
that the ketone carbonyl! is unhydrated. If it were hydrated to a large extent
then the linear correlation would break down since o* changes from 1.81 for
CH,;CO-CHO to 0.97 for CH,C(OH),~CHO. This will be discussed in more
detail in a subsequent paper.

magnitude as [MG] found in fog, mist, and rain water.?)

The potential of methylglyoxal as a S(IV) reservoir compared
to formaldehyde and benzaldehyde may be estimated by calcu-
lating the equilibrium total [S(IV)]r for each aldehyde considered
separately in an open system.>
[SOV)]r = [SAV)] + [RCH(OH)SO;7] +

[RCH(O")SO;] + [RCH(OH)SO;H] (19a)

At pH 3, eq 19a is approximated by
[SIV)]t = [SAV)] + [RCH(OH)S0;] (19b)

and then
[SAV)}r =
Hso,Pso,§1 + Ko (1 + K H*renoPreno + ﬁ‘)
[H*] [H]
(19¢)

where H is the intrinsic Henry’s law constant and H* = H/K;
+ H (the effective Henry’s law constant). H* is not known for
benzaldehyde but the reasonable assumption that the aqueous
concentration of free benzaldehyde may typically be 0.2 uM has
been made.?> Using this figure along with Pso, = 20 ppbv, Pucuo
= 5 ppbv, and Py = 1 ppbv, and application of eq 19c¢ yields
[SAV)]r due to MG = 3 mM; [S(IV)]t due to HCHO = 50 uM;
and [S(IV)]r due to C¢H;CHO = 0.5 pM. In the absence of any
aldehydes (or other complexing agents) [S(IV)]¢ = 0.5 uM. Thus,
in spite of its lower concentration in naturally occurring water
droplets, methylglyoxal could be a more important S(IV) reservoir
than formaldehyde while benzaldehyde is unlikely to be an im-
portant reservoir. It is recognized that the assumptions made for
these equilibrium calculations are simplistic but they nonetheless
illustrate the remarkable potential for methylglyoxal to be an
important S(IV) reservoir if it occurs at significant concentrations
in the environment.

The data collected in Table VII show the effect of the elec-
tron-withdrawing power of R-, i.e., Taft’s ¢* function, on the
kinetic and thermodynamic properties of a series of aldehydes,
R-CHO. In spite of the gaps in the table the data show that,
in general, benzaldehyde is the only notable exception to the
otherwise normal trend of CH,CO~, H- > CH;-,i-Pr—. This is
probably due to resonance stabilization and perhaps also due to
the steric effect associated with the bulky aromatic ring. Except
for benzaldehyde, K, the stability constant for reaction with
HSO;", decreases as o* decreases and R— is less able to stabilize
the anionic a-hydroxysulfonate, R-CH(OH)SO;". Benzaldehyde
also has an anomalously low rate of reaction with S(IV); &k, and
k, are lower than the corresponding values for formaldehyde.

These data indicate that, although acetaldehyde is common in
polluted urban atmospheres,® it is probably not an important
S(IV) reservoir because K| is relatively small and k; and k&, are
also likely to be small. (The cancept of hyperconjugation can be
used to explain the lower reactivity of acetaldehyde.) However,
substitution on the methyl group with Cl to give chloral (and the
mono- and disubstituted analogues), i.e., R = CCl;—, has a marked
effect on ¢* which would increase its affinity for S(IV). The
reaction of chloral with S(IV) has not been studied in detail,?’
but since ¢* is so high it may show large rate constants and
stability constants (if the steric effect of CCly- is not too large).
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It already has one of the key features for a good S(IV) reservoir,
viz., a large hydration constant,?® and it could thus be of signif-
icance in acidic fog and rain water if it occurred in the atmosphere.
Halogenated aldehydes have not been found in the environment
but halogenated hydrocarbons are common. The trends found
in Table VII indicate that any aldehyde (or reactive ketone) which
has a large o* and a small steric effect of R— and is found at
significant concentrations could be a S(IV) reservoir. A good

example is hydroxyacetaldehyde (HOCH,CHO) which has a
much higher o* (0.62) than its parent, acetaldehyde (0.00), and
which could also conceivably exist in the atmosphere.’ The hy-
droxyacetaldehyde—S(IV) system has not been studied.
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Electronic energy transfer between octadecylrhodamine B (C;sRhB) solubilized in unilamellar vesicles of 1,2-dioleoyl-sn-
glycero-3-phosphocholine (DOPC) has been studied. The quantum yield of fluorescence and the steady-state fluorescence
anisotropy were measured at various temperatures and concentrations of C;sRhB. Rhodamine B chloride (RhB) has been
used as a reference in the measurements of the quantum yield. For this purpose we found it necessary to determine the
molar absorptivity and the fluorescence lifetime at different temperatures, The fluorescence decay of RhB in ethanol is
monoexponential with a lifetime that continuously decreases from 3.6 ns at 265 K to 1.9 ns at 325 K. The radiative lifetime
is 4.2 ns. From linear dichroism (LD) measurements we have determined the orientation of C;sRhB solubilized in macroscopically
aligned lipid bilayers. No energy transfer could be detected when the mole fraction of C;zRhB in the vesicles was less than
~10™, Donor—donor and donor-acceptor (traps) transfers occur at concentrations higher than ~10™ and ~ 107, respectively.
The latter is most probably due to the formation of ground-state dimers of C,sRhB. Taken together, these experiments imply
that the rate of energy transfer in anisotropic systems can be sensitive to and enhanced by the rotational motions of the interacting

fluorophores.

Introduction

Radiationless transfer of electronic energy between atoms and
molecules has been known for more than 50 years.! Forty years
ago the pioneering work of Forster?? initialized the search for a
model that quantitatively describes the macroscopically observed
transfer among fluorescent molecules.

According to Forster’s mechanism the rate of transfer depends
on both the angular distribution and the spatial separation of the
interacting molecules. Recently, a rigorous model was developed
and tested for energy transfer in viscous solutions.*> In such
systems the fluorophores undergo negligible rotational diffusion
during the fluorescence lifetime and they are isotropically dis-
tributed which considerably simplifies the theoretical treatment.
Few theoretical and experimental investigations deal with the
problems associated with the transfer of electronic energy in
microscopically anisotropic systems such as macromolecules or
aggregates containing fluorophores, which are of fundamental
interest not least for the understanding of photosynthetic units.
The anisotropic motions and the orientational distribution of the
fluorophores in such media will hence have an influence on the
transfer rates. On the other hand, the spatial distribution function
of the chromophores remains constant since the translational
diffusion can be neglected on the time scale of fluorescence.
Recently, a theoretical study of energy transfer in monolayer,
bilayer, and multilayer systems has been presented.?? The rate
of transfer was then assumed to be either very fast or very slow
compared to the rotational motions of the interacting fluorophores.
Fayer and co-workers have also experimeritally studied energy
transfer among octadecylrhodamine B solubilized in micelles.??

(1) Perrin, J. 2me Conseil de Chim; Solvay Gautier-Villars: Paris, 1925;
p 322.
(2) Forster, Th. Naturwissenschaften 1946, 33, 166.

(3) Forster, Th. Ann. Phys. Leipzig 1948, 2, 55.

(4) Gochanour, C. R.; Andersen, H. C,; Fayer, M. D. J. Chem. Phys. 1979,
70, 4254,

(5) Gochanour, C. R.; Fayer, M. D. J. Phys. Chem. 1981, 85, 1989.

In this work the energy transfer between octadecylrhodamine
B (C;sRhB) solubilized in unilamellar vesicles of lipids has been
investigated. The vesicles contain 1,2-dioleoyl-sn-glycero-3-
phosphocholine (DOPC). The chromophoric part of C|3RhB is
localized at the interface of the lipid bilayer so that interaction
can occur both within this surface and across the bilayer. The
transfer in this system is likely to be very similar to that in a planar
lipid bilayer because a chromophore is very small compared to
the size of a vesicle. The size distribution is unknown but should
range in the order of tenths of nanometers which means that the
transfer across a vesicle is negligible. There are advantages in
using vesicles instead of micelles or liquid crystals as a model
system in the study of energy transfer. The local concentration
of the chromophore in the vesicles can be kept very high although
the total concentration in the system is low. Furthermore, the
energy transfer between vesicles can be omitted since the aggregate
concentration is very low.

Materials and Methods

Rhodamine B chloride (pro analysi, Merck, W. Germany),
octadecylrhodamine B chloride (Molecular Probes, Oregon) and
1,2-dioleoyl-sn-glycero-3-phosphocholine (DOPC, (>99%), Syn-
thesized at the Department of Physiological Chemistry, B.M.C.,
Uppsala, Sweden) were either freeze-dried for at least 2 days or
heated in a drying pistol (Model TO-50, BiCHI, Switzerland)
at 313 K for 3 h and further at room temperature for about 12
h. Water was quartz distilled and passed through Millipore filters
(0.22 um). All solvents used were of spectroscopic grade.

Small unilamellar vesicles were prepared from DOPC as follows.
A suspension of the lipid in water (= 3 mL) was sonicated
(Branson sonicator B-30 equipped with a microtip) for periods
of 5 min followed by 5 min of rest. The total time of sonication
varied between 25 and 40 min depending on the amount of lipid.
The samples were kept in a cooling bath at 263 K during the
sonication. The sonicated vesicles were centrifuged at 97000g for
30 min.
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