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ABSTRACT 

Formate is dehydrogenated to CO2 by IO-methylacrldinlum ion, 

miaicklng formate dehydrogenaee. The hydrogen and carbon klnetlc iso- 

tope effects are 2.74 and 1.027 in a mixed solvent consisting of dl- 

methylformanlde and water in a 4:l ratio, at 50°. These values are 

slmllar to those observed In the enzymatic reaction (2.27 and 1.042, 

respectively) suggesting that the mechanisms of enzymatic and nonenzy- 

matic reactions are the same. and transltlon state structures not too 

different. Marcus theory of atan and group transfer 1s used to locate 

the transition state for the nonenzymatlc reaction 0.4 of the distance 

along the mlnlmlnn energy path from precursor conflguratlon to succes5or 

conflguratlon. It 1s concluded, folloulng Cleland and coworkers, that 

the protein of the enzyme dehydrates the formats and deforms the OOfaC- 

tor WAD+ so as to make the reaction more spontaneous. This produces an 

enrymatlo transition state in uhloh the covalenoy changes around hydro- 

gen are less advanced than In the non-enzymatic transition e&ate, but 

the envlroment of the carboxylate 1s much more suitable to the product, 

co2. 
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Yeast formate dehydrogenase brings about the oxidation of formate 

to CO2, in the process, transferring a hydride lon to the enzyme cofac- 

tar, Wlcotlnamide Adenlne Dlnucleotlde (NAD’), reducing the latter to 

the corresponding 1,4-dlhydropyrldine, NADH (eq. 112 

HCO; l WAD+ + CO 2 l NADli (1) 

Cleland and coworkers have made extensive studies of lsotope effects on 

these reactlons.3*4 They have shown that the reaction is essentially 

irreversible, and that the step involving the rearrangement of covalent 

bonds 1s fully rate-llmltlng.4 They have found that the NAD’ could be 

replaced with other pyrldlnlum lons, and measured the changes In lsotope 

effects which attended thse replacements.3 They have found that ~2 

1s a much more effective competitive lnhlbltor than N03.4 From these 

studlas they have reached the follcwlng concluslons:3 

1.) Prior to the hydride transfer, the pyrldlniun ring 1s strongly 

distorted In the dlreotlon of dihydropyrldlne geometry, considerably 

lncreaalng Its hydride afflnlty (reduction potential). 

2.) The transltlon state in the enzyme catalyzed reaction resem- 

bles the products much more closely than the reactants. 

3.) Relatively small increases in the reduction potential of the 

cofactor slgnlflcantly shift the transltlon state structure toward that 

of the reactants. 

Attempts to oxidize formats with simple NAD* analogues have been 

unsucoessfu15 but the reduction potentlal of lo-methylacrldlnlum 1On 1s 

-240 mv larger than that of NAD’~ which should facllltate the reaction, 

according to Cleland’s point 1 .I. Further, ln rerluxlng rormlc acid 

solvent, formate has been shown to reduce lo-methylacrldlnluu lon.7 We 

now report that formate 1s oxldlzea by IO-methylaorldinlum 1On at msaaur- 

able rates In both lsopropanol (IPA) - water (4:l by volume) and dl- 

methylronnamlae (DRI) - uater (4:l by volume) at SO0 or 25V. 2lKoo- 

and H13C00- lsotope effects have been measured and oomparsd with those 

observed in enzymatic reactions. These lsotope effects suggest that the 

nonenzymatlc reactions are slailar to the enzymatic reaction ln general 

mechanism but dlrferent ln detalls of transition state (TS) 3trUCtUm. 

In earlier work the Marcus theory 0r atom and group transfer*-10 

has been shovn to glve a reasonably faithful aCCOUnt Or the rate con- 

stants for hydride transrer between NAD* analogues, 11-l 4 lncludlng lso- 

tope effects.‘2 This theory la capable or glvlng s~iquantltativ0 ln- 

sight lnto TS structure.‘3 In the present paper we apply thls theory to 

the oxidation of formate by HAD+ and its analagues. We conclude that 
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Cleland’s first point, the exaltation of the hydride affinity of the 

cofaotor, is strongly supported. We suggest that the second polnt, on 

the location of the TS on the minimum energy path, 1s valld only with 

respect to the st+ucture and solvatlon of the CO2 unit _ not ulth re- 

spect to the making and breaking of C-H bonds. l4arcus theory indicates 

much less responsiveness of TS structure to hydride alflnity than Cle- 

land’s third polnt would imply. The lsotope effect8 observed with the 

unnatural cofactors were closer to our present resulta, wlth a nonenxy- 

matic system, than were those obtained in the natural system. We there- 

fore suggest that the changes observed on substltutlon of the unnatural 

ooractors into the enzymatic system are prlnoipally the result of non- 

ideal protein-cofactor binding, rather than a response to the increased 

hydride afflnlty of the unnatural cofactors. 

EXPERIHENTAL 

Materials and Solutions 

Formic acid solutlons were prepared from reagent grade 901 formic 

acid (Speotrra Chemical Mfg. Co.) analyzed by tltratlon against standard 

NaOH (found: 90.11% w/w acid). Formic acid-d1 (M.S.D. Isotopes, 991 

atom D) titrated slmllarly as 96.21 v/w acid. Proton NMR was used to 

check the H content of the latter material by comparlng OH/CH peak lnte- 

gral ratlos (50 transients) of 121 w/w solutions of DCOOH and HCOOH In 

DUSO-d6 contalnlng 1.3% w/w H20. The formic acid-d1 was found to have 

0.91 mole$ H. Standard NaOH solutions were made from nDllut-ltn analytl- 

Cal concentrate (J.T. Baker Chemical Co.) and bolled-out, redistilled 

water. Aqueous formate buffers having 5 tlmss the desired final concen- 

tratlons were made from the reagents described above. One volume of 

aqueous buffer wan then diluted with four volmes of either redlstllled 

l2 spectrograde IPA or DMF (MCB VmnlSolv”). generally lmedlately be- 

fore use. Sodim perchlorate ua5 also added, as needed, to q alntaln an 

lonlc strength. E, of 0.13n. lo-MethylacrldlnlM lodlde was prepared by 

methylatlon of acrldlne.ll and had approprlate spectroscopic oharacterls- 

tics. 

pH Measuraent 

Buffer pHs and pHs of reacted solutions were determined at 50. or 

25. using a standardized Radlaeter TTTlo pti meter and CX 2322C comblna- 
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tlon eleotrode. Measured pHs at SO0 in 4:l v/v W-H20 were correoted 

by subtraotlng 0.69. The oorresponding correction for 4:l v/v lPA-H20 

was -0.10. These corrections were determined by measuring pHa of 10s2 

and 10-3 M HC104 In these solvents at 5Oa, with ionic strength also ad- 

justed to 0.13 using NaC104. 

Klnetio Uethod 

lo-Hethylacrldinium iodide was dellvered a8 12uL of a stock solu- 

tlon (l-2 x 10s2 i in spectrograde CH3CN) to 3mL of approprlate buffer 

at SO0 k O.l” or 25. f O.l” in quartz speotrophotometer cells. The 

cells were then tightly stoppered and the reaotlon observed in the ther- 

mostatted cell oompartment of either a Beckman DWGilford or a Perkin 

Elmer A38 spectrophotcmeter. Loss of acridlnium ion was monitored at 

358 nm: appearance of IO-methylacrldan was monitored at 284 nm. 

Klnetlc experiments were generally followed to at least 95% reaction. 

In the presence of a large excess of formate, these absorbance changes 

were accurately described by the pseudo first-order rate law.15 Data 

were analyzed by an Iterative least squares ourve-fitting program which 

searohes for that infinite-time absorbanoe which minimizes the sum of 

the squares of the residuals between calculated and experlmental absor- 

bances . Residuals of f 0.002 absorbance units or less were 80 obtalned. 

CO2 evolution was also monltored in a few cases at SO0 in both 4:l v/v 

W-H20 and 4:l v/v IPA-H20, using a dlfferentlal gas manometer.16 

Product Analysis 

The electronic spectra of produot solutions were obtained using 

elther a Cary 219 or Perkin Elmer A3B spectrophotometar. Quantltatlve 

matches were obtained between these spectra and speotra of solutions of 

IO-•ethylacridan of the appropriate concentrations in the same buffer. 

& of lo-Hethylacridlnlum Ion 

The pKB of this ion in 4:1, DIIF:H20, at 50. wan determlned from the 

absorbance at 358 nm of six lo-methylacridlnium iodide solutions, 5.30 x 

10V5 lj, each burfered to a pH between 4.7 and 8.1 with an acetic acld- 

aoetate buffer.l3 Slnoe, at the hlgher pH*s, the absorbanoee drifted 

toward lower values with time. values obtained imediately after mixing 

were used. The absorbance wan quite unstable at still higher pH. so the 

llmitlng absorbance of 9-hydroxy-lo-methyl-acridan could not be obtained 

directly. The value was obtained by a trial-and-error procedure; a 

value was selected; an average value of & was obtained and the absor- 

bance was calculated at each of the 6 pH*s. The final value of the 

llmlting absorbanoe was chosen so as to minimize the di&repanoles be- 
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tween calculated and observed absorbances. The best average value of 

& was 6.7. 

Apparent pfstrm 

The apparent dissociation constants, Kforr of formic acid in the 

DMF-H20 mlxture and the IPA-H20 nlxture, both at 50. and an ionic 

strength of 0.13 n, were determlned from the pH of 1:l buffers.‘7 In 

the DMF-H20 mixture mar YBS 5.84 and in IPA-H20 it wae. 4.91. 

The Hydrogen Isotope Efrect 

The prlmary hydrogen isotope effect was obtalned from rate con- 

stants determined under Identical condltlons with formate and formate-d’. 

These experiments used half neutralized formate solutions. Experiments 

with formate and fomate-d’ were carried out side by side, in the spec- 

trophotometer, at the same time, and lsotope effects were evaluated by 

taking the ratios of rate constants so determined, so as to mlnlmlze the 

posalble effect of imperfectly controlled temperature. 

The Carbon Isotope Effect 

The 12C:‘3C lsotope effect was determlned by isolating the product 

CO2 lrom reactions in which only a small fraatlon, f, of the formate was 

oxidized. Another portion or the same sample of formate was completely 

oxldlzed by an excess of 12 in Dl4SO3. The ‘3C:12C ratlos of bath CO2 

samples, Et amd R., respectively, were determined mass spectromet- 

rlcally using a Flnnegan HAT Delta E isotope ratlo mass spectrom- 

eter.18e19 The reference was a standard in which ‘3~:‘2c is 0.01’24.20 

(R. was 0.010882.) The ratio of rate constants, !‘2/k’3, was given by 

eq. 2.18 

k .^ 10~ (1-r) 
1c - 

iT- 
‘3 

lag (i-rrtt/R_l (2) 

The reactlons were carried out on a scale or -200 cm3. The aolu- 

tione must be completely purged of CO2 berore reactions, and, after reaa- 

tlon. all the product CO2 mwt be collected to avoid lsotoplc fractiona- 

tlon of CO2 In its distribution between the solution and the vapor phase. 

Two methods were used ror these CO2 transiers, both described In detall 

by OILeary.la In one, 3 or 4 freeze (with liquid N2), pump. collect, 

thaw cycles were used. In the other method, SalutloN were sparged with 

high purity N2 for two hours. In both methods the CO2 for analysis was 

collected In a liquid N2 cooled cold trap. In the second method the 

volatlllration of the CO2 after the reaatlon was encouraged by the addi- 
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tlon of enough 4.5 i H2SO4 to lower the pH to 2. This was introduced 

through a stopcock port protected by a eept\lp oap. The CO2 samples were 

freed of solvent and other extraneous vapors by dlstlllatlon between 

IPA-dry ice and liquid 112 cold traps before lntroduotlon into the mass 

spectrometer. 

RESULTS 

Products 

In both IPA-H20 and DHF-H20, at either 25O or 50°, 10-3 to 10-5 E 

IO-methylacridinil ion is, over a period of time, quantitatively con- 

verted to lo-methylacrldan by an excess of formate ion. The electronic 

spectra of reactants and products were quantitatively identical with 

those of authentic materlals. Cop, Identified by Its mass spectrlrm, Is 

the other product. Rates measured by spectrophotanetrlcally monitoring 

the disappearance of lo-methylacrldlnlum ion, or the appearance of lo- 

methylacrldan, or gasacnetrloally monltorlng the appearance of CO2, were 

the same within thelr experimental uncertalntles. Over the periods re- 

qulred for 7-10 half lives of the reactions v1t.h formate, the spectrum 

of IO-methylacrldinlum ion in the absence of formate, but otherwlse un- 

der the same condltloru (solvent, tslpperature, pH) was essentially un- 

changed. Ye therefore conclude that eq. 3 adequately and completely 

describes the transformations being observed. (AC* Is the lo-methyl- 

acrldlnium lon; AcH is lo-methylacrldan.) 

AC+ l HCO; + AoH + CO2 

This reaction has been previously reported under other condltions.7 

Rates in W-Water 

Pseudo first-order rate constants, ‘1, measured in 4:l. C+iF:H20, 

v:v at 50°, with 1 :l, formic acld:formate buffers, were directly propor- 

tional to the apparent formate concentration, Qo,., as shown in fig. 1. 
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Figure 1. Pseudo first-order rate constants In 4:1, CHF:H20. at 50°, BS 
a function of bar. Own circles are for 1 :l, formic aold: 
formate Buffers; half Illled are for 1:lO buffers; filled are 
for 1O:l buffers. The dot-dashed line 1s the locus of 1:l 
buffer points plotted agalnst $forr lnsteaa of Qor, and 
shows the smallness of the corrections for formate COmpleXlng 
except for 1O:l buffers. 

These solutions all had pH values between 5.81 and 5.88. averaging 5.84. 

The proportlcnallty constant, ‘2” 1s 2.4 x 10e2 M-‘s-1. Ylth 1 :lO., _ - 

formic acld:formate buffers the average pH was 7.02, with no solutlon 

aevlatlng by more than .02 units. and analogous results were obtained, 

but h2” “iIS 1 .Ol x 10-Z n-‘s-1. - _ Moreover, with lO:l, formic acid: for- 

mate buffers the pH decreased steadily from 4.8 to 4.2 with lncreaslng 

buffer concentration. and k1 was as strongly nonlinear function of bar. 

These results are given In Table I and fig. 1. 

TABLE I. Rate as a Function of Formate Concentration with a 
lo-Fold Excess of Formic Aclda 

102bore n PH I 0~1~~bs-1 102~foro cc lOQ, n-Is-’ 

1.04 4.71 2.20 0.92 2.39 

1.04 4.81 2.57d 0.92 2.79 

2.08 4.72 3.77 1.60 2.36 

4.16 4.60 5.72 2.38 2.40 

9.36 4.33 8.16 2.78 2.94 

13.0 4.19 9.08 2.62 3.47 
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(a) 
(b) 

(cl 

(d) 

In 4:1, DMF:H20, V:V, at 50eC. 
Determined by monltorlng the decay of lo-methylacrldlnlmn ooncentra- 
tion at 358 nm except where otherwise noted. 
Calculated using the measured pH values and the El and I& values 
given in the text. 
Determined by monitoring the growth of IO-methylacrldan concentra- 
tion at 284 nm. 

These results could be ratlonallzed. and a constant second-order 

rate constant, b, obtalned, by taking lnto account equilibria whloh are 

well documented in other solvents. IO-Methylacridinium ion is reverslb- 

1~ hydroxylated in the 9-posl tion, according to eq. 4.21 (AcOH is 9- 

hydroxy-lo-methylacrldan.) And formate ion forms “homooonjugatew cm- 

plexes vlth formic acid aocording to eqs. 5 and 6.22 

K 
AC+ l H20 +g AcOH + H+ (4) 

HCO; l HC02H _ HC02* H02CH- K1 (5) 

HCO; KO + 2HC02H . HC02(H02CH); (6) 

5~ was determined by a standard spectrophotometrlo method,6*‘3 briefly 

described in the experimental seotlon. p!R has a value of 6.7 in the 

DtJF-H20 mixture, with a constant lonlc strength of 0.13, and a value of 

7.74 has been reported for dilute solutions in the IPA-H20 mlxture at 

25°.6 The K1 and ti2 values were obtalned from the pH values given in 

Table I. An iterative protocol, designed to find the most nearly con- 

stant, self-oonsistent values of K1 and & was used. The best values of 

IJ and I(2 are 1.05 and 2.2, respectively, but these values are heavily 

dependent on one another, and on the assmptlon that activity coeffi- 

cients do not vary wlth ionic ccmposltlon, or due to the addition of up 

to 1 .3 i acetic acid, as long as the ionic strength is constant. Their 

lndlvldual values are very uncertain, and we cannot even completely ex- 

clude the possibility that Fi2 1s zero. However they reproduce the 

measured pH values wlth an average discrepancy of <.Ol when used along 

with Xfor (5.84). Ue therefore belleve that they also give reasonably 

acourate values of the molecular rormate concentration, Cforr which 

could be calculated from them, fro,., and the buffer ratio. Table I 

gives the Qor and the b12( values, ‘l/Qor. The average value of 52’ 1s 

2.7 * .3 x lO-2 _ _ n-la-‘. Since no more than about 1% of the lo-methyl- 

acrldlnim Ion would be hydroxylated at these Pii’S, this 9’ ie eleo &?I 

the fully corrected second order rate constant for the reaction of for- 

mate lon wlth lo-methylacrldinlum ion at 50° In the DMF-Hz0 mixed Sol- 

vent. nor the 1 : 1 buffer the cOrreOtlOW8 iOr the compla~ling of lomats 

are muoh smaller. The average value of 1(2’ is 2.6 f .2 X 10m2 n-‘e -1 e 
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compared to 2.4 x 10s2 for hn. Although Qor 1s not a linear function 

of 9or, in this cane the differences betveen the tvo vere not large 

enough to make ‘(1 a visibly nonlinear function of Qor. At a pli of 

5.04, .879 OC the nosllnal 10~ethylaorldlnlua ion 1s in the unhydroxyl- 

ated form. Multiplying k~* by 1.14 gives 3.0 t .2 x 10e2 f -1 -1 2 for h. 

Ylth the 1:lO buffers, no slgnlfloant fraOtlOn of the format0 1s COm- 

plexed. so that 52” 1s also k~‘. But at a pH of 7.02 the moleoular lo- 

methylacrldinllrm concentration 1s only .324 of its formal oonoentratlon. 

When this is taken lnto account a value of 3.1 2 .l x 10v2 n -1 -1 lS 5 

obtained for 4. In all cases the cited uncertainties are the average 

deviations from the mean values. The precision of the mean values would 

be better, by factors of 2-3, than the indicated values. Hovever thclr 

real accuracy is also encumbered by systematic error8 due to lnac- 

ouracles in the various equlllbrlum constants, and the assumption about 

actlvlty coefilolents, so that ve belleve the agreeaent among the k~ 

values derived at the three different buffer ratios la actually quite 

satisfactory. The best Value of k2 ln the DW-Hz0 olxture at SO* 

appears to be 2.9 x 10-2 n-15-1, and It appears to be uncertain by -10%. 

Rates in IPA-Water 

In the IPA-H20 mixtures at 50°, 1:lO. 1:l. and 1O:l. formic acid: 

formate buffers vere again studied. Their solutions gave average pH 

values of 6.14, 4.96, and 4.02, respectively. Rates vere much slower. 

but 51 value vere again proportional to Qor at each buffer ratio up to 

Ifor values of 5 x 1 Os2. There 1s no evidence that the formic acld- 

lormate colaplexlng reactions (eqs. 5 and 6) are signlflcant at low con- 

centrations In thls solvent, so Qor vas equated to cf,,. At 25’ 9 for 

lo-methylacrldlnlum ion IS 7.74,6 so very little of the lon 1s hydroxyl- 

ated in any of these solutions. Thus kl /Ifor could be approxlmately 

equated to k2. Evaluated In this vay k~ has an average value of 3.4 t 

.4 x 10-4 n-‘s-1. The scatter is somewhat larger for these IQ values 

than for those measured In DW-H$ mixtures because the reactlons vere 

lnoonvenlently slow, and many of the sl values vere obtained by monltor- 

lng less than 10% of the complete conversion. 

At high Qor values, In IPA-H20, systematically and eharply higher 

values of K1/bor vere observed. We suspect that this 1s caused by reac- 

tion In a-0 sort of Ion aggregate, but ve are unable to suggest any- 

thing attractive. 

The Hydrogen Ieotope Effeot 

In the DMF-H20 mixed solvent, Ilve measurements of the klnetlc hy- 
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drogen isotope effeot (subatltutlon at carbon in formate) at SO* were 

made. All were made with 1:l buffers: two at bar values of 0.130 and 

three at Qor of 0.052. An average h/b of 2.74 wab obtained, with an 

average devlatlon from the mean of 0.05 and a probable error of the mean 

of 0.02. In the same SOlVent, a single determlnatlon Of &H/z0 at 25. 

gave a value of 3.14. A single determlnatlon of bH/% at 50. in the 

IPA-ii20 solvent gave 2.78. None of these values 1s corrected for the 

small percentage (-1s) of HCOO- in our DCOO-, so, in all casea, the true 

values may be assrnned to be -31 higher than those reported. 

The Carbon Isotope Effect 

The effeot of lsotoplc substltutlon of the fornate carbon was deter- 

mined in five experiments In the DKF-H20 solvent; two at 50’ and three 

at 25O. Buffor rat100 were 1.0. Ffor was 8-52 x 10-3 and methyl- 

acrldlnlum lodlde concentrations were 6-20 x lo-‘. The average Value Of 

k12/K13 was 1.0267 wlth an average deviation from the mean of 0.0010 and 

a probable error of 0.0005. There wad no evident ordering of results 

according to temperature or conaentratlon. 

DISCUSSION 

The isotope effeots on the dohydrogenation of formate by lo-methyl- 

acridlnium lon In Dt4F:H20, 4:l. are compared, in Table II, wlth the 

Table IX. Isotope Effects on Formate Dehydrogenatlon 

0x1 dant !%‘LD ‘12&l 3 

lo-methylaorldlnllrm lon 2.7’lb 1 .027c 
NAD’ 2.27 1.042 
deamlno-WAD+ 2.40 1.042 
thlo-NAD+ 2.36 1.038 
pyrldlnealdehyde-NAD* 2.86 1.041 
acetylpyrldlne-HAD* 3.12 1.036 

(a) Taken from ref. 4, and measured in water at 25*, except where 
otherwlse stated. 

(b) Present work, measured In 4:l. Ct!F:H20, at 50°. 
(cl Present work. measured in 4:l. DMF:H20, at 25O and 50’. 

lsotope effects on the enzymatic reactions of WAD* and Its analogues. 

They are slmllar enough to strongly support the hypothesis that the enzy- 

matlc and nonenzymatlc reaatlons are generally similar. although so111e 

dlfrerence in TS struoture 1s suggested. Recent work has shown that 

hydrlde transfer to and from NAD* and its analogues 1s a one step reac- 

tion. not lnvolvlng radicals or radical low as lntermedlates’unless the 
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other reactant is strongly predisposed touard one-electron reac- 

tlons.11*14*23-25 This Is not the oase for formate, so we conclude that 

both enzymatic and nonenzymatic formate dohydrogenation are one-step 

hydride transrers. 

We conclude that the protein of lormate dehydrogenase does substan- 

tlally lncreaase the spontaneity of the rate limiting step, as suggested 

by Cleland and coworkers.3 IO-Methylacrldlnl~ ion Is a more powerful 

hydride acceptor (2-electron oxidizing agent) than WAD+ by a factor of 

-log (240 ~1.6 When It 1s substituted ror NAD* the reaotlon occurs 

wlthout the proteln. As noted, the isotope effects suggest considerable 

slmllarity between the TSs of the enzymatic and nonenzymatic reactions. 

It seems quite unlikely that the nonenzymatic reaction has a “late” 

TS. Uslng a reduction potential or -78 mv for IO-•ethylacrldlnlum ion6 

and -420 mv for CO2(aq)26 an equillbrlm constant, K, of 1012 1s calcu- 

lated for thls reaction. Both reduction potentials are for aqueous solu- 

tion at pH of 7, and the reaction shown in eq. 3 does not involve H+, so 

PH 1s not a problem, however several other problems combine to make & 

uncertain (probably too small) by several powers oi 10. Equation 3 

represents a comblnatlon ol ions, which 1s certain to be more sponta- 

neous in our partially aqueous solution than In pure water. The use of 

DMF, In particular, probably destablllzes rormate relative to its reac- 

tion products. Finally, although the value cited ior the reduction 

potentlal of CO2(aq.) seems to be accepted,3 it 1s not entirely clear 

what standard state 1s used ror C02(aq. I.26 Nevertheless, we proceed 

with a value or 10’ 2 for K, because only a very rough value 1s requlred 

for the rolloulng, semiquantitative discussion. The Marcus parameter, 

which gives the fractional progress along the mlnlm\nn energy path, rrOm 

precursor complex to successor complex, at which the TS occurs, 1s 1, 

derlned in eq. 7.‘3 

x - 0.5 [l - (RT/A)lnKl (7) 

i is four times the iree-energy or actlvatlon for a similar but energet- 

ically smetrlcal reaction.’ ’ It 1s not known, In the present case, 

but hydride transrer between NAD* analogues, which 1s an lnherently fas- 

ter reaction. glves values between 290 and 340 kJ mole-'." *27 Ye there- 

fore assume 400 kJ mole-l, as a reasonable value for the present reac- 

tion. With these estimates a value of 0.4 is obtained for 1. The reac- 

tion 1s even slower in pure water than In the IPA-Hz0 mixture, and It is 

presmably even more spontaneous in the mixed solvents than in water, 

thus 0.4 can be regarded as an upper limit on 1. This 1s at least rough- 
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ly consistant with Q/b, since thls has a value of j.4 for nearly sym- 

metrical hydride transferal2 and la expected to be lower for more spon- 

taneous reactlons.12r14 

It is somewhat harder to lnterpret 512/i(13. The ratlo of imaginary 

frequenclee ln eq. a28 must be very close to t .OOO, beoause H 1s much 

lighter than elther 12C or 13C.28 It 1s also very similar to the ratio 

of real C-H stretching frequencies, x12/x1 3, so that any non-unit value 

it might have would largely cancel. 

l 

h _ p x v12v,3s1n h (hv12/2kT) 

%3 s 
- 
v13v12 sln h (hu13/2kTy (8) 

Es, the product of symmetry factors is exactly unlty. so :12/kl3 would 

reduce to the ratio of hyperbollo slnes.29 The latter probably ln- 

creases with )( in an approximately monotonic fashion, so that If one had 

the equlllbrlm ‘3C Isotope effect for the dehydrogenatlon of formate (I 

- 1 .OO) i could be estimated from El2/'13_ Unfortunately the equllbrlum 

isotope effect 1s not known. However a value around 1.07 would be con- 

sistent with a variety of klnetlc isotope efrects on decarboxylatlon 

reactlons3° and wlth the present results, assualng a value of 0.4 for 2. 

The reactant formate. in thls case, 1s drawn from a pool that 1s 

501 formic aold. The ‘3C isotope effect on the lonlzatlon of formic 

acid does not sea to be known, but the equlllbrlum ‘3C isotope effect 

on the ionization of benzolc acid la small,3’ and the ‘3C klnetlc iSO- 

tope on decarboxyatlon reactlons does not seem to change noticeably on 

lonlzatlon.3° 

The enzymatic reaction with the natural cofactor 1s conslderably 

raster than the reaction with lo-•ethylacrldlnlum lon,3 and bH/k~ 1s 

smaller, both of which would suggest that x 1s even smaller in thls case. 

However, ‘(12/‘13 1s 1.042, suggestlng a higher value of A, -0.6, and the 

180 lsotope effect also suggests a hlgh value of x.3 In the nonenry- 

natlo reaction, the various struotural changes leading from reaotant to 

product are probably well ooordlnated. because getting them out ol phase 

would lnorease the molar energy without any compensation. In the enzy- 

matlC reaction. however, the structural changes around carbon, and, par- 

tlcularly, the desolvatlon of the carboxylate lon, may be much more ad- 

vanced than the covalency changes around hydrogen if thls stablllzes the 

proteln. Such a desolvatlon of the formate would help to make the cova- 

lency changes more spontaneous. Cleland and coworkers have suggested 

that such desolvatlon occurs.3 If thls 1s true, it la oo longer pos- 

sible to locate the TS unambiguously on a two-dlmenalonal map and 1( 
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loses Ita s1rnple significance. It is small with respeat to the bonds to 

H. but large vith respect to the environment of the carboxylate group. 

It 1s a corollary of these Ideas that the ‘3C fractionation faC- 

tor32 for dlstributlon of formate between water and non-hydrogen bond 

donor solvents should be appreciably less than 1 .OO. In fact, Cleland 

and couorkers have observed such a fractlonatlon factor, 0.998. for the 

distribution of tstrabutylammonlum formate between water and chloro- 

form,33 though this 1s a somewhat smaller effect than we would have an- 

tlclpsted. The change in the l3C kinetic isotope effect on the oxlda- 

tlon of formate In dlmethylsulfoxlde-water mixtures, from 1.0154 in pure 

dlmethylsulfoxlde to 1.0362 ln pure water.3 1s also consistent with thls 

idea. Cleland and coworkers have attrlbuted this change to a change in 

1, but )( would have to change from 0.5 to 0.2 to entirely account for 

the change in 512/&l 3. This seems llke a 9 large change in 1, even 

though it acaompanles a decrease In rate constant of a factor of 107. 

We suggest that the change in k12/i13 1s partly due to a decrease ln the 

‘3C fractionation factor of the reactant formate in the dlmethyl- 

sulfoxlde-rich solvents. 

Ye doubt that the changes ln isotope effeots observed in the enzy- 

mat10 reactloru ulth unnatural cofaators are due to changes in A, ln- 

duced by the relative eleatron afflnitles of the 3-substltuents, through 

changes in the spontaneity of the reacttons. These effects uould be too 

small to account for the observat.ion.6,” Rather, we believe. the 

changea reflect the sllghtly poorer fit of the unnatural TSs in the reac- 

tive slte of the protein. The fact that the Isotope effects measured 

with the unnatural cofactors approach those for the nonenzymatlc reac- 

tion supports thls view. 
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