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Abstract: Bicarbonate ion is an effective activator for hydrogen peroxide in the oxidation of sulfides. Kinetic
and spectroscopic results support the formation of peroxymonocarbonate ion, (H&Xhe oxidant in the
catalytic reactions. The reaction of hydrogen peroxide and bicarbonate to formH€€urs rapidly at 25C

(ta2 =~ 300 s) near neutral pH in aqueous solution and alcohol/water mixtures, and an equilibrium analysis of
the reaction by3C NMR leads to an estimate of the electrode potential for the FHGEGCO;~ couple (1.8 V

vs NHE). Solubility of the bicarbonate catalyst is enhanced by the use gfiRB; rather than by the use of

group 1 salts, which tend to have lower solubility in the mixed solvents and can lead to phase separation. Rate
laws and mechanistic analyses are presented for the oxidation of ethylphenylsulfide and related sulfides. The
second-order rate constants for sulfide oxidations by BC&e ~300-fold greater than those for,8,, and

this increase is consistent with expectations based on a Brgnsted analysis of the kinetics for other heterolytic
peroxide oxidations. At high concentrations of®4, a pathway that is second order in®3 is significant,

and this path is interpreted as a general acid catalysis0y 6f carbonate displacement accompanying substrate
attack at the electrophilic oxygen of HGO Increasing water content up to 80% in the solvent increases the
rate of oxidation. The BAP (bicarbonate-activated peroxide) oxidation system is a simple, inexpensive, and
relatively nontoxic alternative to other oxidants and peroxyacids, and it can be used in a variety of oxidations
where a mild, neutral pH oxidant is required. Variation of bicarbonate source and the cosolvent can allow
optimization of substrate solubility and oxidation rates for applications such as organic synthesis and chemical
warfare agent decontamination.

Introduction pathway is peroxymonocarbonate ion (HC® formed by a

o ) ) o ) labile preequilibrium reaction between bicarbonate ion as@,H
Hydrogen peroxide is a widely used oxidant with high active (eq 1).

oxygen content,but it is a rather slow oxidizing agent in the

absence of activators. In large-scale bleaching applictar HCO,™ + H,0,=HCO, + H,0 (1)
many synthetic oxidations, activation via formation of peroxy-
carboxylic acids is a favored method (i.e., RC(O)XH20, = The use of an alcohol cosolvent provides for organic substrate

RC(O)OOH+ HX).134 The activation is often accomplished  solubility and shifted the equilibrium of eq 1 to the right,
in situ by using a reactive carboxylic acid derivative with a favoring increased formation of peroxymonocarbonate ion.
good leaving group that leads to rapid conversion to the Recent experiments reported by Richardson étaid Xif
peroxyacid. Alternatively, a peroxyacid can be formed from the S Drace RS Frank K M- Vana ¥ G Wagner G W the
parent aCi.d (X= OH) by strong acid catalysis and high Préczaedinggs’ of'the”1997 E'RD.EC”Sciengt'ific.Cdﬁferegce 6n Che.mical and
concentrations of kDs. Biological Defense Research).S. Army Edgewood Research, Develop-

s\sati ; ; ment, and Engineering Center, 1998.
A novel method for activating D, by using bicarbonate (6) The nomenclature for HCO and associated species is not universally

ion was d_escribed bY_ Drago and co-workers ir_‘ their StUdY of accepted. The parent acicb®0; (RN 593-69-9) is indexed by CAS as
the oxidation of chemical warfare agents and simulant sulfides carbonoperoxoic aciénd is named by IUPAC dsydrogen dioxoperoxo-

in mixed tert-butyl alcohol/water solverftThey concluded on  carbonate(2-) Common names for the acid includeonoperoxycarbonic
acid andpercarbonic acidBy analogy to HSGs (CAS nameperoxymono-

the basis of NMR evidence that the active oxidant in the catalytic sulfuric acid), peroxymonocarbonic acidould also be used as a common

name. Salts of HCQ are indexed by CAS as carbonoperoxoic acid
* Present address: Daytona Beach Community College, Daytona Beach,derivatives (e.g¢arbonoperoxoic acid, monopotassium jaithile IUPAC

FL 32120. would name the same sgibtassium hydrogendioxoperoxocarbonate(1-)
(1) (a) Kislenko, V. N.; Berlin, A. ARuss. Chem. Re1991, 60, 470. Common names for the same salt pagassium percarbonat@otassium

(b) Schumb, W. C.; Satterfield, C. N.; Wentworth, R Hydrogen Peroxide peroxycarbonateandmonopotassium peroxymonocarbonéitethis paper,

Reinhold: New York, 1955. we have chosen to use the common ngmeoxymonocarbonatéor the

(2) Farr, J. P.; Smith, W. L.; Steichen, D. S.Hitk-Othmer Encyclopedia ion HCOy~. The commonly employed prefix “mono” readily distinguishes
of Chemical Technologyroschwitz, J. ., Ed.; Wiley-Interscience: New  various monomeric oxyanions from their dimeric and polymeric counter-

York, 1997; Vol. 4, pp 27+300. parts, and the choice parallels the common uspeasbxymonosulfatéor
(3) Swern, D. InOrganic PeroxidesSwern, D., Ed.; Wiley: New York, the analogous HS® ion. A difficulty with this choice is that the name
1970; pp 313-516. could also apply to Cg3, but it assumed in this work that at pH values

(4) Sanchez, J.; Myers, T. N. Kirk-Othmer Encyclopedia of Chemical less than~9 the predominant ionization state is HEO The more
TechnologyKroschwitz, J. I., Ed.; Wiley-Interscience: New York, 1997;  cumbersoméydrogenperoxymonocarbonatan be used when confusion
Vol. 18, pp 23%+310. is likely.

10.1021/ja9927467 CCC: $19.00 © 2000 American Chemical Society
Published on Web 02/10/2000



1730 J. Am. Chem. Soc., Vol. 122, No. 8, 2000

showed that increases in catalytic efficiency of the BAP system

Richardson et al.

HCOs;~ buffers in biology and the well-known production of

(bicarbonate activated peroxide) could be achieved by using aH;O; in both normal metabolis?h and the immune respor§e

more soluble source of bicarbonate (MHCOs) and primary
alcohols in place of NaHC£andtert-butyl alcohol, respectively.
The goal of the present study was to investigate the
mechanism of bicarbonate-catalyzed oxidation of sulfides by
H,0, in alcohol/water media via a detailed investigation of rate

argue for careful analysis of the formation and reactivity of

HCO,~ in water. The present report confirms the catalysis of

sulfide oxidation by bicarbonate ion, and we have also

demonstrated the bicarbonate ion catalysis of methionine
oxidation to methionine sulfoxide by, in water?” Oxidation

laws. Bicarbonate catalysis of hydrogen peroxide oxidations hasof methionine is a marker for oxidative stress in biological
many potential advantages over other peroxyacids and oxidantssystemg829Methionine residues may serve as intrinsic protein
for applications such as organic synthesis, bleaching, andantioxidants’® and methionine is the only amino acid that is

chemical warfare agent decontaminatfoi: Hydrogen peroxide

has a high active oxygen content compared to other stoichio-

known to have a specific reductase enzyme system to reverse
its oxidation in vivo3! Some types of protein oxidation are not

metric oxidants, e.g., peroxycarboxylic acids, periodate, and readily explained by radical chemist#y suggesting that het-

peroxymonosulfaté? The conditions of the BAP system are
mild with pH around neutral or weakly alkaline rather than the
strongly alkaline conditions often employed for peroxide

erolytic oxidative pathways should be considered.
Rate laws for HC@™ oxidations have not appeared in the
literature. On the basis of thé&pof the leaving group conjugate

bleaching!® The components of the system are inexpensive and acid (i.e., C@ leaving group, E(HCOs") = 10.3), it is

environmentally friendly. Experiments with chemical warfare

expected that HC# will be intermediate in reactivity compared

agents such as HD (mustard), GB, and VX show that the systemto H,0, itself (OH~ leaving group, KH20) = 15.7) and
can be used as a broad-spectrum decontamination solutiontypical organic peroxyacids (RC(O)Oleaving group, Ee

(“Decon Green")t* In other work to be published separatély,

(RC(O)OH)~ 4-5). The mechanism of equilibration via eq 1

we have shown that the BAP system is active in the epoxidation is also of interest because formation of HE@ccurs rapidly

of alkenes near neutral pH, so that a wide range of functional
groups that are normally oxidized using reactive peroxyacids
are likely to be substrates for the BAP system.

The peroxymonocarbonate ion has been isolated in various

salts and characterized by vibrational spectrosteppand X-ray
crystallography (KHC@H;0,).18 Peroxymonocarbonate is a
true peroxide with structure HOOGQ Metal complexes of
CO4% have been prepared and are heterolytic oxidt#sThe
solution properties of the ion have also been studied by
NMR,1621 and salts have been shown to rapidly hydrolyze to
form HCG;~ and HO; in water (reverse reaction of eq 1). Given
the relative difficulty of isolating and storing the unstable
peroxycarbonate salts, formation of HCQn situ is likely to

be the preferable method in most applications.

The equilibrium reaction in eq 1 and subsequent oxidations
by HCO,~ are also of interest in view of the possible but rarely
mentioned? role of HCQ,~ as a nonradical reactive oxygen
species (ROS¥24in biological systems. The ubiquity of GO

(7) Richardson, D. E.; Yao, H.; Xu, C.; Drago, R. S.; Frank, K. M,;
Wagner, G. W.; Yang, Y.-C. In th&roceedings of the 1998 ERDEC
Scientific Conference on Chemical and Biological Defense Resgarch
U. S. Army Edgewood Chemical Biological Center, 1999.

(8) Xu, Cheng. Ph.D. Dissertation, University of Florida, 1999.

(9) Yang, Y.-C.Chem, Ind, 1995 334-337.

(10) Yang, Y.-C.; Baker, J. A.; Ward, J. Rhem. Re. 1992 92, 1729~
1743.

(11) Yang, Y.-C.; Szafraniec, L. L.; Beaudry, W. T.; Rohrbaugh, D. K.
J. Am. Chem. S0d.99Q 112, 6621-6627.

(12) Sheldon, R. ATop. Curr. Chem1993 164, 21—-34.

(13) Thompson, K. M.; Griffith, W. P.; Spiro, Ml. Chem. Soc., Chem.
Commun.1992 1600-1601.

(14) Wagner, G. W.; Yang, Y.-C. In tHeroceedings of the 1998 ERDEC
Scientific Conference on Chemical and Biological Defense Resgarch
U. S. Army Edgewood Chemical Biological Center, 1999.

(15) Yao, Huirong; Richardson, D. E., submitted.

(16) Flanagan, J.; Jones, D. P.; Griffith, W. P.; Skapski, A. C.; West, A.
P.J. Chem. Soc., Chem. Commad®386 20—21.

(17) Jones, D. P.; Griffith, W. PJ. Chem. Soc., Dalton Tran498Q
2526-2532.

(18) Adam, A.; Mehta, M.AAngew. Chem., Int. EAL998 37, 1387
1388.

(19) (a) Aresta, M.; Tommasi, |.; Quarantano, E.; Fragale, C.; Mascetti,
J.; Tranquille, M.; Galan, F.; Fouassier, Morg. Chem1996 35, 4254—
4260. (b) Sanyal, |.; Karlin, K. D.; Strange, R. W.; Blackburn, NJ.JAm.
Chem. Soc1993 115 11259-11270.

(20) Hayward, P. J.; Blake, D. M.; Wilkinson, G.; Nyman, CJJAm.
Chem. Soc197Q 92, 5873-5878.

(21) Brovkina, O. V.; Chernyshov, B. NRuss. J. Inorg. Chen1.989
34, 166-168.

in the absence of strong acid catalysts or highly reactive
carboxylation agents; however, detailed mechanistic information
on the reaction of eq 1 is not available in the literature.

In the present work, rate constants for the primary oxidation
reactions of HC@™ have been obtained for various alcohol
cosolvents. In addition, the equilibration of eq 1 in alcohol/
water mixtures has been studied quantitatively with respect to
equilibrium constants and the rate of equilibration. The results
support the previously assumed mechanism and the role of
HCO,~ or its kinetic equivalent as the direct oxidant in the
catalysis. In addition, we have investigated the details of the
peroxide concentration dependence in the reactions and provide
evidence for a catalytic role for 4, in reactions with high
hydrogen peroxide concentration. Implications of the results for
applications such as chemical warfare agent decontamination
and organic synthesis are described.

Results

Equilibrium Formation of Peroxymonocarbonate. We used
99% 13C-enriched NaHC@to examine bicarbonate-peroxide
equilibria in water and mixed alcohol/water solvents 8¢
NMR at 25°C. Concentrations of hydrogen peroxide in the
range 0.2-4.0 M were employed, and [ACO;"] = 0.10 M
for all studies.

(22) Esnouf, M. P.; Green, M. R.; Hill, H. A. O.; Irvine, G. B.; Walter,
S. J.Biochem. J1978 174, 345-348.

(23) Davies, K. J. AFree Radicals Oxid. Stress: kinon., Drugs, Food
Addit. 1995 61, 1-31.

(24) Stadtman, E. R.; Berlett, B. ®rug Metab. Re. 1998 30, 225-
243.

(25) Chance, B.; Sies, H.; Boveris, Rhysiol. Re. 1979 59, 527—
605.

(26) Babior, B. M.; Woodman, R. CSemin. Hematol199Q 27, 247—
259.

(27) Richardson, D. E.; Yao, H.; Regino, C.; Mendez, T. J., manuscript
in preparation.

(28) Brot, N.; Weissbach, Harch. Biochem. Biophy4.983 223 271—
281.

(29) Vogt, W.Free Radical Biol. Med1995 18, 93—105.

(30) Levine, R. L.; Berlett, B. S.; Moskovitz, J.; Mosoni, L.; Stadtman,
E. R. Mech. Ageing Deel. 1999 107, 323-332.

(31) Moskovitz, J.; Berlett, B. S.; Poston, J. M.; Stadtman, BVIBthods
Enzymol.1999 239-244.

(32) Schimeich, C.Exp. Gerontol.1999 34, 19-34.
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Figure 1. 13C NMR spectra for a solution at 2% of NaHSCGO; in Figure 2. Variable temperaturé’C NMR spectra for a solution of
1.76:1 (v/v) ethanol/water with [D,] = 2.0 M. The half-life for NaH®CQ; in 1.76:1 (v/v) ethanol/water with [}D,] = 2.0 M.
formation of HCQ™ is ~300 s and that for ester formation4£500 s. Significant lifetime broadening of the HGO peak occurs above 0
Times shown are for the completion of acquisition from the time of °C. At lower temperatures the line widths for all major species are
mixing. comparable.

In water, besides the peak for bicarbonate at 163.6 ppm, a
single additional peak at 161.7 ppm assigiies HCQ~ was
observed (chemical shifts relative dg-TMSP). From relative
peak intensities and the concentration of0n K, = 0.32 +

K4 = 1.8+ 0.2, and the rate constant for equilibration at’25
is (1.4+ 0.2) x 1073 s1. Ester formation is not observed for
tert-butyl alcohol/water solutions.

0.02 M1 was obtained for eq 2. At room temperature, it is typically observed that the HCO
peak is somewhat broadened, and we carried out a variable
HCO,™ (aqg)+ H,0, (aq)= temperature’®>C NMR study to investigate the temperature
_ dependence of the peak width in ethanol/water (Figure 2). Below
HCO, (aq)+ H,0 K, [HCO, ] ) 0 °C, the line widths of all resonances are comparable, but the

HCO,~ peak broadens substantially at higher temperatures. The
broadening is pH dependent, and witi#3CO; (pH of peroxide/

The observed rate constant at pH7.4 for equilibration of eq ~ water solutiorn= 9.4) as the bicarbonate source the HCPeak

2 at [H,0;] = 2.0 M and 25°C is (1.964 0.04) x 1073 s, sharpens significantly, while the HGOCOz2~ peak shifts (to
From the value oKy, the forward rate constant for the reaction 163 ppm referenced to ethanol at 57.0 ppm) as expected due to
of eq 2,ki, is 3.8 x 1074 M~1s1, and for the reverse reaction increased C¢&¥ at equilibrium. This observation is consistent

k- = 1.2 x 1073 sL. Noting thatE°(H,02/H,0) = 1.77 V (vs with a proton-dependent chemical exchange reaction as the

" [H,0,][HCO; |

NHE), E°(HCO; /HCO;7) = 1.8+ 0.1 V. origin of the line-broadening, but a secoR€ species partici-
In alcohol/water mixtures (1.76:1 alcohol:water, v/v), eq 3 pating in the exchange was not observed and is evidently at
applies. low concentration.
_ Oxidation of Ethylphenylsulfide by Hydrogen Peroxide
HCO; (solv) + H,0, (solv) = The oxidation of ethylphenylsulfide (EPS) was followed by
[HCO, [H,0] monitoring the loss of absorbance in the 2800 nm range.
HCO, (solv)+ H,O (solv)K;=————— (3 The sulfoxide and sulfone products do not absorb significantly
[H0,][HCO; ] in this region, presumably due to the shift or elimination of the

) ) . . n(S)«* band. To ensure equilibration of eq 3, the peroxide
By decreasing [EO] in the solution, the equilibrium amount  picarhonate solutions were prepared and were allowed to stand
of HCO, is increased. Iert-butyl alcohol/water, the effective  or at least 20 min as required before addition of the substrate.
equilibrium constantks = 23 £ 1 and was found to be  The oxidation was usually followed for at least one half-life,
independent of temperature in the range of 85°C. Thus, in - anq Jinear first-order plots were obtained. The contribution of
1 M H;0;, 54% of the bicarbonate is converted to HCGn the noncatalytic background oxidation was subtracted to obtain

tert-butyl alcohol with [HO] = 19.6 M. In ethanolKs = 27 + the phenomenological rate law for the catalytic path (discussed
1 at 25°C, and the observed equilibration rate constant is (2.4 for gifferent solvents below).

+ 0.1) x 1078 s7L. After correctingK, for the experimental
concentration of water to obtald; ~17 &+ 1 for water as the
only solvent, we note that the magnitude of the effective
equilibrium constant for eq 2 is increased slightly as alcohol is
added.

In accord with studi€’$ on sulfide oxidation by periodate
ion, ionic strength effects are small. We extensively investigated
possible buffer effects by comparing the rates of EPS oxidation
in H,O, solutions with no added salts and with added
(NH4)2HPOy, which yields a pH close to that of NHCO;

fg'T\atry aI;:orhoI; Grgac:] dW'tTh.?écarb?(nate bto rforgw_nallr(}yl solutions (7.9 in water). No significant differences were detected
carbonale esters, and a Inird peak IS observed In e, y,e oxidation rates, but we controlled ionic strength in some

NMR spectrum (the spectrum for R Et is shown in Figure studies described below using (MbHPOL.

1).F 4 L o
). Foreq 4, Although the contribution of background oxidation by®3

HCO,™ (solv) + C,H;OH (solv)= is normally small _com_pared to_ the catalytic pathway at_Iow
[RCO, IH,0] [H204] values, a kinetic analysis shows that apparent higher
o 3 2

C,H;CO; (solv) + H,0 (solv)K, =

— (4) 33) Ruff, F.; Kucsman, AJ. Chem. Soc., Perkin Trans.1®85 683—
[ROH][HCO; ] oar.
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Table 1. Rate Constants and Equilibrium Constants for the Bicarbonate-Catalyzed Oxidation of Sulfides by Hydrogen ®eroxide

10° kot/ 10 koof 10° koo 10° ky/ 10° kof
substrate solvent M-1s1 M—2s71 M-3s1 M-1s1 M—2s71 Kid Ky ka/Ko1
ethylphenylsulfide EtOH/LD 8.0+ 05 07+£03 1.8+0.1 19+1 89+03 271 18+0.2 240
t-BUOH/H,O 2.5+0.7 0.7£04 0.72+£0.06 11+1 28+0.1 23+1 nla 440
2-chloroethylphenylsulfide EtOHAD 1.3+ 0.7 0.7£20.4 0.09+ 0.06 3.0+£05 164+02 27+1 18+0.2 230
2-hydroxyethylphenylsulfide EtOH/H,0O 4.3+ 0.7 12+ 1 27+1 18+0.2 280

@ Rate constants obtained from nonlinear regression analyses of kinetic d&@)(Zolvent is 1.76:1 v:v alcohol/water. Rate constants for the
background oxidation in the absence of bicarbonkig Koz, kos) were obtained from eq 5. Constants for the catalytic pathwayandk,) were
derived from nonlinear fits to eq 20. Error limits atestandard errors from the fit§ Equilibrium constants for eqs 14 and 15 as determined from
replicate NMR measurements described in the text. These values used in fits via®@p&&rmined from fits to data at low p@;]. ¢ Kinetic data
only obtained at low [HO;] (<1 M); only ko; andk; could be determined.

order pathways become important when{H] > 1 M. The 0.0014
data were fit by eq 5.

dIRSR 0.0012 4 — fullfit
- @ Ko V8. [H,0)]
% = {kou[H,0;] + ko[H 202]2 + 0.0010 - - tsf;zl :(rjd:rrdr::tsam

kodHoOJHRSR] (B) - ooows | | - uptosecmmborser tony
{’% / kos path

Resulting rate constants are given in Table 1, and a fit for data < o.0006 - /
in tert-butyl alcohol/water is shown in Figure 3. An attempted /
fit up to second order only is also shown for comparison in 0.0004 e
Figure 3. S P

Bicarbonate-Activated Oxidation of Ethylphenylsulfide in 00002 1 "
tert-Butyl Alcohol/Water. In tert-butyl alcohol/water (1.76:1, 00000 A —
v/v), bicarbonate ion accelerates theQd oxidation signifi- e . ) s . 5 5

cantly. Variation of [HCQ~] shows the catalytic reactions are [H,0,IM

first order in bicarbonate ion. The concentration of €0 Figure 3. Plot of observed rate constants fos®4 oxidation of EPS
was sufficiently low in the kinetic experiments:0.1 M) such in 1.76:1 (v/v)tert-butyl alcohol/water as a function of j@,] at 25

that SO|Ubi."ty Saturgtion effects were not (_)bserved (at high °C. The solid line is a fit to eq 5 (i.e., a cubic polynomial) with the
concentrations of bicarbonate salts, especially group 1 salts, a6 constants given in Table 1. The contributions of the first-, second-,
phase separation or insolubility of the salt makes kinetic studies ang third-order terms are illustrated. An attempt at fitting the data with
impossible). The use of Nf#iCO; as the source of HCO a version of eq 5 truncated at second order (i.e., a quadratic polynomial)
allows higher catalyst concentration than the use of alkali metal is shown as the dotted line.

salts before solubility saturation effects become apparent.

Dependence of the reaction rates oaQ shows the reaction  water were done by controlling the ionic strength via addition
to be first order in peroxide at j{D,] < 0.3 M, and saturation of (NH4):HPO, which has an insignificant effect on the
kinetics are observed at higher concentrations. However, theobserved background reaction rates compared to reactions done
curve is not fit well by a simple saturation rate law, and a more with no added salts or buffers. The kinetic behavior of the
complex empirical rate law is required that includes a second- catalytic reaction conforms to the rate law of eq 6.

order pathway in [HO;] (eq 6). Studies on the pH dependence of rate constants by using
” _ phosphate buffers showed that changes in the kinetic constants
—d[RSR] _ {a[H,0,] + b[H,0,]}dHCO; J[RSR] are negligible within the experimental error in the pH range of
dt o ¢+ d[H,0,] o 7—8.4 (pH of peroxide/water before alcohol addition). Above

k. JRSR] (6) pH 9, the catalytic rate does decline significantly.
b The polydentate ligand diethylenetriaminepentaacetic acid
Equation 6 yields excellent fits to the observed pseudo-first- (PTPA) was used in several experiments (up to 5 mM) and

order rate constant&gs Values of the constants andb are was found to have no effect on the observed rate constants.
obtained wherc and d are equated to known quantities (see Thus, the oxidation of EPS does not appear to have any radical
Discussion). component due to Fenton chemistry involving adventitious iron,

1IH NMR studies of the oxidation reaction were done to assess Which would be deactivated by DTPA.
product distributions. Subsequent oxidation of the initially =~ Catalysis by sodium bicarbonate, potassium bicarbonate, and
formed sulfoxide to the sulfone was not observed under ammonium bicarbonate were carefully studied in ethanol/water
conditions 5 M H,O,, tert-butyl alcohol/water, 0.03 M to establish that any counterion effect is negligible, and the
bicarbonate, 25C) and reaction times similar to those used source of bicarbonate has no significant effect on the rates of
here. Slow conversion to the sulfone was observed for longer oxidation.
reaction times since excess oxidant was present. Oxidation of Bicarbonate-Activated Oxidation of Ethylphenylsulfide in

sulfide with equimolar hydrogen peroxide and sulfide~&t3 Other Solvents. Other alcohol cosolvents and water contents
M or less gave sulfoxide as the only major product (by GC were surveyed to determine kinetic trends as a function of
analysis). solvent polarity (Figure 4 and Table 2). The data in Figure 4

Bicarbonate-Activated Oxidation of Ethylphenylsulfide in show that lighter alcohol cosolvents lead to higher overall rates,
Ethanol/Water. Bicarbonate-catalyzed EPS oxidations in etha- and the leveling off in the plots shows that the point of saturation
nol/water (1.76:1, v/v) are generally faster than thos¢eit of bicarbonate salt solubility is much higher in ethanol/water

butyl alcohol/water by a factor of2. The kinetics in ethanol/  than intert-butyl alcohol/water. In addition, a solvent deuterium



Bicarbonate Actiation of Hydrogen Peroxide J. Am. Chem. Soc., Vol. 122, No. 8, 20733

18 - Scheme 1
16 . A HCO,™ +H' = H,CO, )
14 = A H,CO, = CO, + H,0 ®
12 - €O, + H,0, = H,CO, ©
kN A
& 10 H,CO, = HCO,” + H' (10)
53 A
5 8 o = Discussion
6 o OL‘BUOH | Kinetics and Thermodynamics of Peroxymonocarbonate
4 [Ci2-propano Formation. The equilibrium constant for eq 2 is near unity and
oo | A ethanol
2l ae M B glycolEtOH shows that HC@  is a potent oxidant in aqueous solution with
630 © ¢ an electrode potential (1& 0.1 V vs NHE) close to that of
0 4% ‘ H,0,. The acceleration of oxidation reactions upon formation
0 02 04 06 08 L 12 of HCO,~ from H,O, and HCQ~ arises from a kinetic

[NH,HCO,] (M) advantage for the oxidation by HGOthat is not derived from
Figure 4. Variation of observed first-order rate constants for EPS an increase in thermodynamic driving force.
oxidation for different alcohol cosolvents (1.76:1 alcohol:water, v/v). The activation of HO, for synthetic transformations proceed-
Reaction conditions: 25C, 2.0 M HO,. For the glycot-ethanol ing via heterolytic oxidation is typically achieved through the
cosolvent, the alcohol was 1:1 ethanol:propylene glycol (v/v). formation of peroxyacids, which are generally several orders
Table 2. Dependence of EPS BAP Oxidation Rates on Solvent of ma_gnltucsie more rgactlve toward n.Lj(:leOphI“C $ubstrates than
Compositioft H.0; itself.* Generation of peroxyacids from acids angQ4
in situ is usually catalyzed by added strong acids for practical
10 ko 10 ke 10k reasons. For example, the equilibration of acetic acid as@bH

solvent composition (v/v) M™1ist M~1ist M™1ist X :

8020 ROLBUOH il 690 20 to form peracetic acid has a forward rate constant-af~7
20 HO1-Bu M~1s tin the absence of cataly¥tand the peroxyacid is often

70:30 HO:t-BuOH 19 320 57 o . . .
50:50 HO:-BUOH 59 140 33 prepared by addition of sulfuric acid as catalyst. In view of such
40:60 HO:t-BuOH 4.6 120 12 slow peroxyacid equilibration in the absence of catalyst, it is
70:30 HO:EtOH 58 720 145 perhaps unexpected that the bicarbonate ion accelerates oxida-
60:40 HO:EtOH 22 344 66 tions of sulfides via the equilibrium of eq 1, where peroxy-
50:50 RO:EtOH 14 264 48 monocarbonate is formed in a few minutes at H—9 with
40:60 HO:EtOH 71403 15348 26+1 i I dded
40:60 D,O:EtOD 42402  102+9 1742 no acid catalyst aaded.

The reaction of eq 1 was studied by Griffith and co-workers

aEstimated standard errors on rate constar?% except where by NMR,6 and they also noted that the equilibration of HCO
noted. Errors shown in last two entries are 95% confidence levels. The is complete within several minutes in water. Drago and

ki values are derived frofk, values from eq 23 assuming thafH,0,] S .
is negligible. Conditions: 25C, [H.0,] = 0.1 M, [HCO;"] = 0—0.05 co-worker&35report comparable studies in mixed alcohol/water
M.

solvents in which the equilibration is completed in minutes. Our

kinetic results confirm the previous observations and provide
isotope effect for the catalytic pathway (1.%00.15 at the 95% rate constants for the forward and reverse reactions of the
confidence level) was measured forHsOD/D,O solvent. equilibria at pH= 7.4.
Kinetic data are listed in Table 2 for various alcohol/water ratios ~ The kinetic study was done to provide more details that might
and the isotope effects. The solvent isotope effect was deter-lead to a mechanism for the relatively rapid equilibration of eq
mined in GHsOD/D,0O to be 1.69+ 0.14 for the background 1. On the basis of the known chemistry of bicarbonate ion and
reaction, that is, direct oxidation of EPS by® (Table 2). hydrogen peroxide, it is likely that GOand/or HQ™ are

Activation Parameters for Ethylphenylsulfide Oxidation. involved. A role for CQ seems probab[e in view of the
The temperature dependence of the catalytic EPS oxidation fromdehydration/hydration chemisty of HCO;™ solutions. The
15 to 35°C was studied inert-buty! alcohol/water (1.76:1, v/v) mechanism of Scheme 1 can be constructed to account for the
with 0.1 M H,0, and up to 0.05 M bicarbonate. The second- observations. The kinetic and equilibrium parameters for eqs 7

. S _ 6 i
order rate constant (after correction for background oxidation) @nd 8 are well-knowf® Equation 7 and presumably eq 10 can
was used to construct an Eyring plot of Kif) vs 17T, and be treated as rapid proton-transfer equilibria. The reaction of

activation parameters were derived (thermodynamics of pre- eq 9 is th? perhydftionffar_]alolgu:e of t||j|e hydrﬁtion rea(f:tion
equilibria are not included in the parameteks;is defined in (rever;e of eq 8): t sufficiently low p 51(8) the rate o
the Discussion). From a regression analyaisf = 38 + 1 kJ formation of CQ via eqs 7 and 8k ~ 20 ) is sufficiently
mol~% andASF = —154+ 4 J molL K1 (errolrs are standard rapid to explain the observed equilibration rate of eq 1 (i.e, the
errors,N = 6). An Eyring analysis of the background data for sum of eqs #10). The assumptions of this analysis are that

direct HO, oxidation led toAH* = 55 + 5 kJ mol! andAS* peroxycarbonic acid decomposition (reverse of eq 9) has kinetic
— 145 iz 17 J mott K1 parameters comparable to the analogous reaction for carbonic

T . o acid and the K, for percarbonic acid (eq 10) is estimated by
Oxidation of Other Sulfides. Kinetic parameters for two that for carbonic acid (ga = 3.8).
other sulfides, 2-chloroethylphenylsulfide (CEPS) and 2-hy- |t is notable that the rate constant for equilibration of the
droxyethylphenylsulfide, are given in Table 1. The latter .5/honate ethyl ester EtGO(1.4 x 1073 s71) is similar to that
compound forms slowly from CEPS in aqueous solutit ( : —
~ 96 h under our conditions). The oxidation of CEPS was (34) Schneider, H.-J.; Becker, N.; Philippi, Ichem. Ber-1981 114
studied under conditions in which the hydrolysis was negligible ™ 35) Frank, k. M.; Drago, R. S., unpublished work.

during data collection. (36) Palmer, D. A.; Van Eldik, RChem. Re. 1983 83, 651—731.
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for the formation of HC@ (3.0 x 103 s™1) under the Scheme 2
conditions of the NMR study. This result is consistent with a
common reactive intermediate, and ester formation probably
proceeds via eqs 7 and 8 followed by the reaction @&tOH HO,™ + HCO,” = HCO,™ + OH~ (13a)
— HEtCG; by analogy to the dehydration/hydration mechanism
for carbonic acid. Thus, it is likely that eq 9 accounts for the
initial formation of peroxycarbonic acid. Scheme 3
The effect of added COon the reaction of eq 1 was
investigated. The pH of the solution is reduced® by addition Nu: 0-0, —* 00
of CO, because of the formation of a carbonic acid/bicarbonate N
buffer. We observed that the equilibration rate fo¥€&0;~/ aH A
H3CO,™ is increased in solutions that are partially saturated / \ 0 H
by CO,, and this result supports the role of the acid-dependent o
reaction of eq 7 in the overall equilibration mechanism. NuOH+ + OY- N
The explanation for the rapid, pH-dependent exchange \ /AH
detected in the variable temperature NMR studies is not obvious.
It may be associated with the exchange of eq 11 (i.e., sum of NuG + YOH
the reverse reactions of eqs 9 and 10).

H,0,=HO,” +H’ (12)

HO,™ + H,CO, = HCO,” + H,0 (13b)

polarity, and this has been interpreted to be a consequence of
HCO, + HY = CO, + H,0, (11) s:!gnlflca,r,]t c_harge separation in they2 transition states
(“normal” anion—neutral {2 displacements are slower in more

. ) . ) polar solvents as a result of charge delocalization in the transition
However, if the exchange reaction of eq 11 is responsible for giate compared to the reactants).

the line-broadening, the forward and reverse reactions for de-
perhydration/perhydration (eq 9) must be substantially faster
than dehydration/hydration (eq 8), and such a large rate
difference seems unlikely. In more basic media @H), the

Mechanism for Oxidation of Sulfides by Hydrogen Per-
oxide. At low H»0, concentrations, the background reactions
(where HO; is the only oxidant) are first order inJ,, but at
’ , & , the higher concentrations used in this study, the data are better
Imle width for the H*CO,™ resonance is comparable to that of ;i the empirical rate law of eq 5. We interpret the second-
HCO;™, consistent with a proton-dependent exchange. order term as the result of an autocatalyzed oxidation, wherein

At higher pH values £ 8), the rate of carbonic acid formed 3 second peroxide assists the displacement reaction by general
via eqs 7 and 8 is probably too low to explain the equilibration  acid catalysis. This explanation parallels that given by Edwards
rate for eq 1. However, the highly nucleophilic hydroperoxide and co-workers for the appearance of a second-order term in
ion becomes more available at higher pH values via eq 12 of j,0, for sulfide oxidations in the aprotic solvent dioxaiten
Scheme 2 and may account for the formation of HC®y our case, the high [0,] coupled with the higher acidity of
either net displacement at bicarbonate (eq 13a) or carbonic acidy,o, (PKa = 11.7) vs HO (pKa = 15.7) and alcohols
(eq 13b). >15) makes hydrogen peroxide the most potent acid catalyst

General Mechanism for Heterolytic Oxidations by Per- in the system, and the second-order term appears even in mixed
oxides. The generally accepted mechanism of heterolytic water/alcohol at high peroxide concentrations.
peroxide oxidation reactions is considered here to guide our The appearance of a third-order term fosQ4 in eq 5 is
mechanistic analysis of HCO oxidations (Scheme 3. required to achieve an acceptable empirical fit for the direct

The mechanism involves nucleophilic attack of substrate at reaction with sulfides (Figure 3), but the origin of the term is
the electrophilic oxygen of YOOH with displacement of the not easily rationalized and the deviation from a fit to first and
leaving group OY. In the case of protic solvents (“AH") such  second order only is small. It could represent a transition state
as water and alcohols, proton transfers can lead to displacementhat involves two hydrogen peroxides acting in general-acid
of YOH and immediate formation of NuO. As a consequence, base catalysis proton transfer, but the apparent increase in order
peroxide oxidations tend to accelerate as the acidity of the at high concentrations could also result from medium effects
solvent increases (as measured by thg @r autodissociation  as the HO, concentration displaces solvent alcohol and
constant® In aprotic solvents, the catalytic role can be played increases the polarity of the solvent. Experiments maintaining
by hydrogen peroxide itself, and the oxidations become seconda constant concentration of alcohol while holding the sum of
order in HO, under such condition®. water and peroxide concentrations constant show small decreases

Many oxidants can be used to convert sulfides into sulfoxides in rate (<10%) at the highest peroxide concentrations. The
and sulfone$? The oxidations of sulfides by two other anionic, similarity of water and hydrogen peroxide/water mixtures in
main group peroxides, peroxymonosulfate (HS® and their macroscopic physical propertiéshould be noted in this
periodate (1Q"),3 are particularly useful for comparison to  regard.

HCO,~ reactions. Both are believed to react via a nucleophilic ~ We also determined the activation parameters feOH
attack of the substrate at oxygen, but the role of proton transfer oxidation ko1) of EPS intert-butyl alcohol/water in the range
from solvent in the transition state is apparently small in view 15-35°C (AH* =55+ 5 kJ molt andAS = —1454 17 J

of modest solvent deuterium isotope effects. Reactions of bothmol~! K~1), and these values can be compared with those in
oxidants with sulfides are accelerated by increasing solvent the literature for thioxane as a substrate in dioxake®(= 78

kJ mol? andAS = —92 J mott K1) .38

(37) Edwards, J. O. lireroxide Reaction Mechanispisdwards, J. O.,

Ed.. Interscience: New York, 1962; pp 6106. Mechanism for Bicarbonate-Catalyzed Oxidation of Sul-
(38) Dankleff, M. A. P.; Curci, R.; Edwards, J. O.; Pyun, H.J.Am. fides. The empirical rate law of eq 6 is consistent with the
Chem. Soc1968 90, 3209-3218.
(39) Bunton, C. A,; Foroudian H, J.; Kumar, A. Chem. Soc., Perkin (40) Kolczynski, J. R.; Roth, E. M.; Shanley, E. 5.Am. Chem. Soc.

Trans. 21995 33—39. 1957, 79, 531-533.
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mechanism of eqs 1418. Equations 14 and 15
HCO,” + H,0,=HCO, +H,0K,, (14)
HCO;,” + R'OH=R"CO;” + H,0K; (15)
HCO,” + RSR —~ RS(O)R+ HCO, k;,  (16)

HCO, + RSR + H,0, —
RS(O)R + HCO,™ + H,0,k, (17)

RS(O)R + [O] — RS(O}R' (18)

are preequilibria that are assumed here to be rapid on the time
scale of the subsequent reactions, and the valud¢ pand

Kis are obtained from the'®C NMR data. The rate of
disappearance of substrate is given by eq 19, where [ACO

is the concentration of peroxymonocarbonate at equilibrium. !
Figure 5. A 3D plot of the fit of eq 20 (mesh plot) to the observed

—d[RSR] catalytic first-order rate constarits,s (®) as a function of [HO;] and
= (k, + k,[H,O,])[HCO, 1[RSR] (19) [HCO37] ([H20] =19 M, [t-BuOH] = 10.3 M for this fit). The data
dt are for the oxidation of EPS itert-butyl alcohol/water (1.76:1, v/v) at

The initial concentration of bicarbonate is related to its 25°C.

equilibrium forms by [HC@]o = [HCOs;7] + [HCO,] +
[R"COs;7]. Assuming that the initial concentrations'[@H]o,
[H20]o, [H202]0 > [HCO57]p and [H:O,]o > [RSR], the rate
law in eq 20 is obtained from eqs +47 and eq 19.

the fits fortert-butyl alcohol/water solvent where ester formation
is not observed by NMR. Data for low p&@,] were used to
establish the value d4 in all cases (via eq 21), and the resulting
values compare favorably with the tabulated/alues from the
—d[RSR] full fits. (CEPS is an exception, and the tabulakeds derived
—a = from low [H,O] data.) A graphical display of the complete fit
_ is not possible since [}D] varies along with [HC@], [R""OH]
(ky + ko [H,0,]1 K1 [H,0,][HCO; J[RSR] and [H,0;] in our experimental design. However, the variations
[H,0], + K;,[H,0,], + K,[R"OH], - qf [H20] and [R'QH] are relat_ively small £10%), and good
k ,JRSR] (20) fits can be obtained by using the average value for the
b concentration of water and ethanol (Figure 5 shows such a fit
The observed pseudo-first-order rate constants correspond td°" tertbutyl alcohol/water). ,
Kobs At low perzxide concentration such thidis [H202]o <Fl From plots ofkeps vs [HCOs™] at fixed [H204], second-order
[H,0]o + Kis[R"OH]o andk;[H205]0 < ki, eq 21 applies and rate constantss,, can be determined, and from eq 20 they are
the reaction is first order in hydrogen peroxide. interpreted by eq 23.

~d[RSR] _ kK3, [H,05][HCO; ][RSR] _ (ki + k[H0,0)K14H,00]o

= 23
dt [H,0], + KgrR'OH, @Y %o = 1,000 + KedH,0y + KR'OH], &)

It is apparent that the kinetic complexity can be reduced by A plot of experimentaks, values vs [HO;] can be produced
going to low peroxide concentrations, but we also chose to study (Figure 6). Assuming that water is constant at an average value,
high concentrations of #D; in view of the potential applications  a fit to eq 23 can be done, and, as expected, the resulting rate
of the BAP system in rapid oxidation of organic substrates for constants are essentially unchanged from those in Table 1. The
synthetic and decontamination applications. At high peroxide contributions of thé; andk; steps can be obtained by separating
concentration such tha€i4 [H20;] > [H20]o + Kis[R"OH], eq 23 into two terms and are illustrated in Figure 6. The two
eq 22 applies, and the reaction depends on hydrogen peroxidepaths make roughly equal contributions ab@4] = 3.5 M for

d[RSR] the example shown. At low ¥, concentrations thé; path
- _ - dominates.
dt = (K + K[H;0,]0)[HCO; o[RSR]  (22) In tert-butyl alcohol/water at low [HO,] a reciprocal plot
equation can be obtained from eq 24, which is derived from eq

only via thek, pathway. This latter limit is not generally attained 53 assumingk[H-0,] < k; and noting that théys term is not
even with [HO,] = 5 M, however, and the full rate law of eq  gpplicable.

20 was used to fit the data.

Comparison of the empirical rate law, eq 6, to eq 20 requires 1 [H,0]
that kl = a, k2 = b, [HzO]o + K]_s[ROH]o = ¢, and K = d. _— = _ 270
Values fork; andk, were obtained from nonlinear regression Kso kiK14H20;]o
analysis of the parameters in eq 20 (Withy andKs fixed by
the NMR results above) and are given in Table 1 for various From the slope and intercept of a plot okdbivs [H2O]/[H204],
solvents and substrates. The teikagR"’OH] in eq 20 arises the value ofk; (0.010+ 0.003 M1 s71) and a kinetic value for
from ester formation (eq 15) and therefore is not included in the equilibrium constanKi4 (25 + 7) are obtained. The

1
+ El (24)
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0.025

@ exptl
— — full fitto eq 23
- k1 path
— - k2 path

0.020

0.015

ke, /M's”

0.010

0.005

0.000

[H,0,1/M

Figure 6. Plot of second-order rate constakisat 25°C fit by eq 23

for catalytic EPS oxidation itrbutanol/water (1.76:1, v/v) as a function
of [H20,] ([H20] = 19 M, [t-BuOH] = 10.3 M for this fit). The separate
contributions of the; andk, paths are shown on the plot (see legend).

agreement between the NMR (27 1) and kinetic values of
K14 provides further support for the proposed mechanism.
Activation parameters for thle, pathway were obtained in
the temperature range 435 °C in tert-butyl alcohol/water
(AH*¥ =384 1 kJ mo! andASf = —1544 4 J mol K™?9)

Richardson et al.

k4 path

+ROH (pKa 15-20) -ROH

+S

+HOOH (pKa 11.7)
+S

ky path

H,O

HOOH

Figure 7. Proposed mechanisms for tkeandk, paths of eqs 16 and
17 in the text. Thek; path involves solvent catalysis (R H, alkyl)
while the k, path depends on [#D;] via the general acid catalysis
shown.

and can be compared to those for other anionic oxidants suchpk, =10.3) and the solvent (ROH (R H, Et), pKa ~15—16).

as IO, and HSQ@ . In all cases including HC the entropy
values are strongly negative as expected for a bimolecular
reaction (e.g., @ oxidation of methylphenylsulfide in 1:1 (v/
v) ethanol/water:AH* = 47 4 1 kJ mort andAS = —113+

4 J mof! K-1 by reanalysis of published dat&;HSOs~
oxidation of methylphenylsulfide in watesH* = 17 + 1 kJ
mol~! and AS" = —132 + 1 J mol* K~1 by reanalysis of
published dat#). For the oxidants I@- and HSQ™, variation

in rate constants for different sulfides primarily arises from
changes inAH¥33:39 The kinetic advantage of HSO over
HCO,~ can be traced primarily to the much low&H* values
for oxidations by HS@".

A molecular interpretation of the catalytic mechanism (eqgs
14, 16, and 17) is shown in Figure 7. Tkepath (eq 16) is
interpreted as a solvent-assisted oxidation in which alcohol and
water (R= alkyl, H) serve as proton donors to facilitate the
displacement of carbonate from HEO Note that the proton
transfer from ROH is assumed to be to the carboxylate oxygen
of HCO,~, which is clearly the most basic site on the oxidant
(pPKa(H2CO4) ~ 4 by analogy to HCOs). In contrast, proton

transfer to the leaving group is assumed in Scheme 3 to be at

the oxygena to the electrophilic oxygen attacked by the
substrate nucleophile, but in a typical peroxide YOOH another
basic site is not available on the leaving group. In additian,
contains any contributions from the direct, unassisted displace-
ment of carbonate ion from HCO. Thek; path (eq 17) has an
additional HO, in the transition state and predominates at
[H202] > 4 M. It is proposed to be essentially the path in
Figure 7 with R= OH. Thek; pathway presumably appears
even though [HO;] < [R"OH], [H2Q] since the acidity of KO,
is significantly higher than that of alcohol or watér.

An intimate role for solvent proton transfer as shown in Figure
7 is consistent with the solvent kinetic isotope effect of 1.5 found
for ethanol/water solutions (Table 2). The rather low value for
ku/kp is consistent with an early transition state for proton
transfer from a solvent-OH group and is expected given the
significant [K, difference between the leaving group (HEO

The value ofky/kp is the same for both the observed second-
order rate constant&s,) and the derived values &f (from eq
23) since the values df14 andK;s in the deuterated solvent
mixture were determined to be within experimental error of
those in undeuterated ethanol/water. Therefore, the observed
isotope effect is associated primarily with the proposed rate
determining step (eq 16) rather than the prequilibria. A similar
solvent isotope effect has been reported for the oxidation of
thioxane by HO; in water ku/kp = 1.68), for which solvent
assistance via the mechanism of Scheme 3 was progdsed.
our study, a comparable/kp value of 1.7+ 0.1 was determined
for the background reaction, that is, direct oxidation of EPS by
H,O, (Table 2).

A comparison of the second-order rate const&pisand k;
can also be used to support the proposed mechanism, and the
ratios of these rate constants are given in Table 1. For a given
substrate oxidation, the second-order rate constant for JACO
is an average of-300 times larger than that for,B,. The
typical observation for peroxide and peroxyacid oxidations is
that the Bragnsted slopeg0.4 for a plot of logkox Vs PKo(YOH)
for halide oxidations, where YOH is the conjugate acid of the
leaving group in the oxidant YOOH (Scheme®1)A similar
analysis for sulfide oxidations by peroxyacids and peroxides
produces a slope 0f0.642 Assuming an average slope of 0.5
=+ 0.1, comparison of theiy, of H,0 (15.7) to the K, 0f HCO;~
(10.3) would predict thak, for HCO,~ should be a factor of
1072-10%2 (~160-1600) times greater thaky;, the corre-
sponding rate constant for,8,. The experimental factor of

(41) It should be noted that the inclusion of a higher order catalytic
pathway is not likely a trivial result of changing polarity of the solvent at
high peroxide concentrations. The kinetic experiments we have done were
designed to have a constant alcohol/water ratio even at high peroxide
concentrations. This means that the concentration of both water and alcohol
decline in high [HO;] experiments. We wondered if the rate increases arose
from the increased polarity of the solvent assuming th# End HO; are
comparably polar. Experiments making [ROH] constant even at high{H
showed only small catalytic rate reductionsl0%) compared to rates using
the standard method.

(42) Bruice, T. C.; Noar, J. B.; Ball, S. S.; Venkataram, U.V Am.
Chem. Soc1983 105 2452-2463.
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~300 is within the predicted range, lending further support to 0.030 -
the mechanism proposed in eqs—14/. HCO4
Solvent Effects.Lower-molecular weight alcohols ROH tend 0.025
to lead to more rapid BAP reactions for two reasons. First, as )
a practical matterthe lower-molecular weight alcohols result s 0020 | HCO3
in greater solubility of bicarbonate salts, so that higher catalyst £
concentrations can be achieved before saturation is attained § ;s | £PSO
(Figure 4). Second, for a given bicarbonate concentration, the g
smaller R groups lead to greater second-order rate constants § 0.010 -
for HCO4~ oxidations. Presumably, the latter effect can be
associated with the increased acidity of ROH and the higher 0.005 4
polarity of the lighter alcohols. ) EPS
Increasing water content from 40 to 80%tént-butyl alcohol |
accelerates the catalytic reaction for EPS oxidation substantially, ~ *%% 0 2000 4000 6000 8000 10000 12000 14000

by a factor of~5, and a similar effect is observed for ethanol/
water reactions (Table 2). The data for ethanol/water media wereFigure 8. Numerical simulation of the oxidation of EPS by.®

fit to the Grllmwald—.WInsteln equatloﬁ” for compar|§on to catalyzed by HC® as described in egs 16, 17, and 24. The simulation
solvent polarity studies done previously forsOoxidation of is done fortert-butyl alcohol/water so the equilibrium of eq 15 is not
sulfides in the same solveft.A plot of log k; vs Y for the used. The following parameters were uség= 1.6 x 103 M-1s?,

appropriate data in Table 2 leads o = 0.46, which is k=71x 105M s k =0.010 Mts? k= 0.00295 M's?
substantially lower that the value for JOoxidation of meth- [HCOs7]o = 0.0232 M, [HCQ]o = 0.0268 M, [HO]o = 1.0 M, and
ylphenylsulfide (h = 0.722)32 Note that the effect of varying  [EPS}h = 0.015 M.
water content on the equilibrium reaction of eq 1 has been
factored out of our analysis sinde values are used in the substituting the estimated rate constants from the NMR study
Grunwald-Winstein Y parameter fit. In addition, an overall —and Table 1.
observed rate increase with increasing water content occurs An example of a simulated concentration vs time profile is
despite the shift of eq 1 to the left, which reduces the available shown in Figure 8. At the reaction outset, when the substrate
HCO, . concentration is highest, an initial decrease does occur in the
The results of the solvent polarity study imply that the amount of HCQ . As the substrate oxidation proceeds and the
transition state in the HC reaction is less polarized than the rate of HCQ~ consumption thereby decreases, the equilibrium
corresponding state for O sinceY is a measure of the solvent  of eq 1 recovers. The maximum variation in [HEQpredicted
stabilization of charge separation in the transition stafEne for the conditions and substrates used in our kinetic studies is
difference may be a consequence of the participation of solvent <15% (usually much less), and the maximum error of the
proton transfer in the former case but not the latter. Consistent derived rate constants from first-order plots<i§% (this is the
with this hypothesis, the I© reaction is not subject to solvent  typical error limit for the numerical simulation of this mecha-
isotope effect$? in contrast to the results here for HGO nism and thus more precise comparisons could not be made).
However, the reduced kinetic dependence on solvent polarity Insignificant nonlinearity R2 >0.999) is predicted in the first-
for HCO4~ compared to 1@~ could result from other unidenti-  order In[RS] vst plots due to the variations in the HGO
fied mechanistic differences. concentration during the reactions, and the experimental plots
At pH values above 9, the rate of the bicarbonate catalytic were indeed linear. It should be noted that for more nucleophilic
pathway decreases. We tentatively ascribe this decrease to thgubstrates, such as dialkylsulfides, the rapid preequilibrium
deprotonation of HCQr by analogy to the knownky, of HSG;~ assumption is invalid.

(9.4). Implications for Chemical Warfare Agent Decontamina-
Numerical Simulations. Oxidation reactions were done in  tjon. Oxidation is a useful strategy for decontamination of
this study by preequilibrating the peroxidbicarbonate solu-  certain chemical warfare agents, especially mustard (HD,
tions to allow complete equilibrium formation of HGQ (CICH,CH,),S) 10 Bicarbonate catalysis has been shown to
Generally, the sulfide oxidation reactions were assumed to besignificanﬂy lower thety, for HD oxidation by HO,,4 and
sufficiently slow that the HC@™ concentration was not sig-  aqueous alcohol provides good agent and oxidant solubility
nificantly depleted during the data collection. If the equilibration  characteristics. We have shown for EPS oxidation that partial
reaction of eq 1 is not sufficiently rapid to replenish HCO  replacement of ethanol by propylene glycol accelerates the
then nonlinearity would be expected in the pseudo-first-order reaction above that observed for aqueous ethanol as solvent
plots. In such a case the mechanism of eqs1[Ais inadequate,  (Figure 4). This observation is of interest since propylene glycol

time/s

and the reaction in eq 14 would be replaced by eq 25. has a wide liquid temperature range and is readily applied on a
large scale.
HCO, + Hzoz% HCO, + H,O (25) The general BAP formulation is mild and noncorrosive,

making it compatible with equipment and relatively safe for

human exposure. Aqueous sodium bicarbonate has a pH of 8.3,
The second-order rate constaktandk; have been determined  while solutions of the more soluble ammonium bicarbonate have
for various solvents and are indeed not too different from the g pH of 7.9. Upon standing, solid ammonium bicarbonate
oxidation rate constants. Therefore, we have assessed th%vaporates, forming CONHs, and HO. Thus, these solutions

possible inadequacy of assuming the preequilibrium of eq 14 could be used without requiring rinsing to remove residual salts
in the mechanism by doing a numerical simulatfoof a
mechanism for EPS oxidation consisting of eqs 16, 17, and 25, (44) Numerical kinetic simulations were done with Kinetica99, a program

based on the Gear integration method (D. E. Richardson, University of
(43) Grunwald, E.; Winstein, SI. Am. Chem. S0d.948 70, 846. Florida, 1999).
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(however, the ammonium salt has low storage stability). Stable forming reactions analogous to e®lin addition, the second-
sources of peroxide equivalents are available in solid inorganic order rate constants for the reaction of the intermediate peroxy
peroxidest® species with substrate are much higher for the MTO case (e.g.,
The reactivity of mustard (HD) is typically between that of k = 2700 M! s! for methylphenylsulfide oxidation by
EPS and 2-chloroethylphenylsulfide (CEPS}hus, we exam- CH3Re(HO)(0)(0y) in 1:1 acetonitrile/water at 25C; compare
ined the oxidation of the latter compound for comparison. The to k; ~ 0.05 M~* s7* for EPS oxidation (eq 16) in 1:1 ethanol/
rate constants for background oxidation and the catalytic water here). However, the bicarbonate system has the advantage
oxidation of CEPS in ethanol/water are generally a factor of of being stable and functional at neutral pH, while the MTO
~5 lower than those for EPS (Table 1). Some difficulty in peroxides decompose with a half-life 6f100 s at pH 78
obtaining data for CEPS at very low §B-] values arose from
the observed hydrolysis of the substrate to form 2-hydroxyeth- Conclusions
ylphenylsulfide {1, = 4 days at 25°C). We determined the
oxidation kinetics for the latter compound (Table 1) and found
it was oxidized~4-fold more rapidly than CEPS. Therefore,
kinetic data for CEPS were obtained only under conditions
where its hydrolysis was minimal during the data collection.
It has also been reported that the BAP system is effective

We have shown that bicarbonate ion is an effective activator
for hydrogen peroxide in the oxidation of sulfides. The kinetic
and spectroscopic results strongly support the formation of
peroxymonocarbonate as the oxidant in the catalytic reactions.
The reaction of hydrogen peroxide and bicarbonate to form

f id d o f oth h be d peroxymonocarbonate proceeds rapidly near neutral pH in
or rapid decontamination of other agents that can be €COM-aqueous solution and alcohol/water mixtures. An equilibrium

pose_d by perhydrolysis, SUCh. as \%(Apparentl_y the weakly analysis allows estimation of the electrode potential for the
alkaline BAP system has sufficient concentration of the strong HCO, /HCOs~ couple.

nucleophile H@™ at equilibrium to decompose these substrates
efficiently.

Synthetic Implications. The BAP system provides a con-
venient, high-oxygen efficiency method for the conversion of

sulfides to sulfoxides and sulfones. The inexpensive reagemsperoxymonocarbonate are300-fold greater than those for

are nominally nontoxic, and organic products can be readily pqrq0en peroxide, and this increase is consistent with expecta-

separated. Typ_lcal_ accelerations O.f 2 orders of magmtude ar‘dtions based on a Brgnsted analysis of the kinetics for other

more for the oxidations can be obtained at moderate blcarbonatene,[(_:,ro|ytiC peroxide oxidations. At high concentrations gBbl

and ghgﬁ c?]ncentr?tlpns. I;or exfampleéquM'Hzcl)z an%.l q (>1 M), a significant pathway that is second order i is

;\/I H h3 ’dt e cata ytt')lc pat Wgy or EP (()le atlonbls predicted  ohqerved, and this path is interpreted as a general acid catalysis

rom the data in Table 1 and egs 6 an .20 to be 190 times ¢ carhonate displacement by the substrate attack at the

faster ¢, = 94 s) than the direct $O, OX|dat|0n_¢1/z =4.9h) electrophilic oxygen of HCQ'.

unlder the colndmor;]s of OlgBuOI-(Ij/wz;ter reactlorf]s. idation b The BAP oxidation system is a simple, inexpensive, and
n general, we have observed that rates of oxidation by o|5ively nontoxic alternative to other oxidants, and our

HICOr?_I Increase lthh "]I(_:rﬁfs'gg waéeL.cont;[ent and lllgh;er experiments indicate that it may have use in a variety of
alcohols as cosolvent (Table 2), and bicarbonate salts V€oxidations where a mild, neutral pH oxidant is required.

greater solubility ir_1 the more po_lar solvents. Thus, maximizing Variation of bicarbonate source and the alcohol cosolvent can
water in the_ reaction medium is helpful, at least to the POINt 410w optimization of substrate solubility and oxidation rates
where solubility Ilmlts of the substrate are reached. In addition, for applications such as organic synthesis and chemical warfare
glkylated aTrg?nluT r(]:atlonsl (RNHI can allso b;d'used to agent decontamination. The lower intrinsic reactivity of HCO
increase solubility of the catalyst in less polar media. compared to other peroxyacids and metal catalyst systems, such
We have also demonstraézd that the BAP system is useful 55 \70/1,0,, can be compensated by significantly increasing
for the epomdat;fqg oLgIkgn TTtsl the S;I’Of;g ac(:jcileraur?n the concentration of the inexpensive bicarbonate activator.
seen in our sulfide kinetics Is likely to be found for other Finally, the potential role of peroxymonocarbonate ion as a
substra_tes, _e}nd we have begun a systematic investigation Of_th‘?eactive oxygen species in biology is worthy of further
synthetic utility of the BAP system in biphasic and monophasic investigation in view of the kinetic and mechanistic results of

reactlons.. . ) . this study. Given the complexity of biochemical media, the
Comparison of Bicarbonate to CHReOs; in Peroxide results here argue for a more detailed examination of FHCO

Actlv_a_tlon. CHsReQs (MTO) IS a_well-stud|ed example _°f & formation under typical biochemical conditions and its oxidation

transition-metal peroxide activation catalyst, and the kinetics ¢ ¢ pstrates such as amino acids and proteins. Clearly, the

of the catalytic oxidation of sulfide;é by &, have been | oierqivtic oxidation of methionine to methionine sulfoxide is
investigated by Espenson and co-workergseful comparisons 5 jikely process for study, and we have observed bicarbonate-

to the present bicarb_onate system can be made that iIIustra‘[et:atalyzed oxidation of methionine by peroxi#éd-urther studies
the advantages and disadvantages of the latter. In many respectg s type are underway in our laboratory.

the MTO and bicarbonate systems are similar mechanistically.

Both feature formation of a peroxy species by initial reaction gyperimental Section

with H,0, (in the case of MTO, both CiRe(H0)(0O)(0O,) and _ _ _ _ )
CH3Re(H0)(0)(0y), are formed), and these species then act Materials. Sulfldes_ (Aldrich), hydrogen perox_lde (35%, Aldrich),
as electrophiles in direct reactions with substrate. The equilib- Propylene glycol (Fisher)tertbutyl alcohol (Fisher), 2-propanol

- . .1~ (Fisher), and ethanol (AAPER), all reagent grade, were used without
fium constants are somewhat larger for MTO in the peroxide further purification. High purity sodium bicarbonate (9919%, Aldrich)

(45) Comyns, A. E. IrKirk-Othmer Encyclopedia of Chemical Technol- ~ Was used to minimize metal contamination. Ammonium bicarbonate
ogy, Kroschwitz, J. 1., Ed.; Wiley-Interscience: New York, 1997; Vol. 18,  (Mallinckrodt), potassium bicarbonate (Mallinckrodt), potassium car-
pp 202-229.

(46) Wagner, G. W., personal communication. (48) Yamazaki, S.; Espenson, J. H.; Huston|rfrg. Chem 1993 32,

(47) Vassell, K. A.; Espenson, J. khorg. Chem1994 33, 5491-5498. 4683.

Solubility of the bicarbonate catalyst is enhanced by use of
NH4HCO; rather than group 1 salts, which tend to have low
solubility in the mixed solvents and can lead to phase separation.
The second-order rate constants for sulfide oxidations by
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bonate (Baker), analytical reagent, were used as received. The bufferhalf-lives. For kinetic measurements in propylene glycol/ethanol/water
components ammonium dibasic phosphate (Sigma), potassium monobasolution, minimal ethylphenylsulfide was added due to its poor solubility
sic phosphate (Fisher), potassium dibasic phosphate (Mallinckrodt), andin the alkaline solution containing glycol, and the change of the
potassium chloride (Fisher), also analytical quality, were used without absorbance was about 6-:Q.2. Overall, plots of InA vs time were
further purification. High purity diethylene-triaminepentaacetic acid consistently linear for 3 half-lives witR? > 0.999 in most cases.

(DTPA) was obtained from Sigma. F&C NMR studies, 99%°C- Equilibria. 13C NMR spectral measurements were carried out on a
enriched sodium bicarbonate and 99.9%0D(Cambridge Isotope  Gemini 300 MHz or a VXR 300 MHz NMR instrument to obtain the
Laboratories, Inc.) and 99%C-enriched KCO; (Aldrich) were used. kinetic parameters and equilibrium constants for eq 1 in water, ethanol/
Water was purified using a Barnstead Nanopure system. water andtert-butyl alcohol/water media at 2% 0.1 °C. Sample
Kinetics. Alcohol/water solutions of hydrogen peroxide with  splutions were prepared as described for the kinetic studies, except that
bicarbonate catalyst were prepared-30® min prior to mixing with 10% of HO was replaced by fD. The three components, hydrogen

sulfide substrate to ensure the preequilibration of peroxymonocarbonateperoxide stock solution, aqueous solution of 99%-enriched sodium
formation for each kinetic run. Oxidations of sulfides with hydrogen pjcarbonate, and alcohol were mixed and injected in an NMR tube
peroxide in large excess over the sulfide were followed spectrophoto- immediately before each measurement. Variation of delay parameter
metrically with Hewlett-Packer 8453 single-cell or multicell spectrom- (1 from 5 to 15 s gave similar integral ratios for peaks assigned to
eters with a temperature control-60.1°C. Typically, the concentration HCO;~, HCO,~, and EtOCQ@ in ethanol/water solution, indicating
of hydrogen peroxide was at least 60-fold over that of the sulfide. that relaxation times of these species are not appreciably different.
Oxidation of sulfides was generally followed by the decreasing Acceptable’®C NMR spectra were generally obtained with= 10 s
absorbance of at = 296 nm. Variation of the sulfide concentration  and 16 acquisitions. The spectra were recorded periodically fer 30
by a factor of up to 5 did not affect the rate constants. Due to the 40 min automatically. The concentration of hydrogen peroxide varied
absorbance of hydrogen peroxidelat 290-300 nm, cells with shorter  from 0.2 to 4 M. In most cases, 0.1 ¥C-enriched sodium bicarbonate
optical paths, for example, 0.2 or 0.1 cm, were used for kinetic was used. Concentrations of sodium bicarbona®e05 M decreases
measurements in-15 M hydrogen peroxide solutions. the signal/noise level of spectra for obtaining kinetic parameters
The concentration of hydrogen peroxide ranged from 0.04 to 5 M ynacceptably. Higher concentration of the bicarbonate salt usually
in alcohol/water (1.76:1, v:v) binary solvents, and the stock solution resulted in difficulty shimming on the instrument due to high ionic
of hydrogen peroxide (35%) was regularly standardized iodometrically. strength of the solution.
Although the ionic strength of the reaction media did not have &  1hq rates of the formation of HCO and EtOCQ™ were analyzed
significant effect on rate constants at low concentration of bicarbonate ,y, e increasing of intensities of these signals usingkthieprogram
salts, kinetic measurements in ethanol/water with ammonium bicarbon-in the Varian VNMR Software. The equilibrium constants were
ate (0-0.05 M) were obtained employing ammonium dibasic phosphate .. 1ated from the integrated intensity ratios of HC@nd HCQ~
buffer with the total ionic strength maintained at 0.05 in all experiments. HCOs~ and EtOCQ . For solutions 62 M hydrogen peroxide, three
The pH range of the corresponding aqueous media with-G50K! duplicate runs were carried out to obtain calculated values for
hydrogen peroxide was from 7.9 to 7 0.1), determined by using  gqjilipration rate constants and equilibrium constants. Variable-
either an Orion Research Digital pH/Millivolt Meter 611 or a Fisher temperaturd®C NMR studies from-20 to 50°C in ethanol/water with

ABA15 EZ’ Mete;jr. wd . ant rormed in eth I/2 M hydrogen peroxide were performed.
pr dependernce Study on rate consiants was performed In thanoll o\ The reaction products of sulfide oxidation in the presence

water solutions b2 M hydrogen peroxide with a total concentration of large excess of hydrogen peroxide were examined on a Hewlett-

of 0.05 M potassium bicarbonate/carbonate catalyst, and ionic strength : . .
was maintained at 0.12 0.03 (0.05 M potassium carbonate) by the Packard _5890 series Il gas chromatography instrument with chloroben-
zene as internal standard.

addition of potassium chloride. The pH of the corresponding aqueous

media (no alcohol added) of the above solutions ranged from 7.3 (0.05 . . .

M potassium bicarbonate) to 9.4 (0.05 M potassium carbonate). Acknowledgment. This paper is dedicated to the late Russell
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