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T h e  magnitudes o f  the apparent equi l ibr ium constants for  the  format ion o f  adduct in aqueous solutions of iso- 
butyraldehyde and sodium bisulf i te were determined spectrophotometrically and t i t r imetr ica l ly  f rom pH 2.3 to  
12.8 a t  25". T h e  equi l ibr ium constant for  the addi t ion of sulf i te i o n  t o  isobutyraldehyde is  3.70 A4-l (a t  zero ionic 
strength) and the  pK, o f  the sodium bisulf i te addi t ion compound o f  isobutyraldehyde is 11.32 (at zero ionic 
strength). Rate constants were determined spectrophotometrically using potassium t r i iod ide as a scavenger. Gen- 
eral acids and general bases appear t o  have n o  effect o n  the rate o f  dissociation over the pH range of 4.4-7.8 and 
the rate-determining step is clearly a unimolecular decomposition o f  the  doubly  charged anion. The pH indepen- 
dent  rate constants k d and k f ,  for decomposition and format ion o f  th is  dianion, respectively, are 3800 sec-l and 
14,000 M-l sec-', respectively. 

Among the types of reactions used to characterize certain 
reactive ketones and aldehydes is the formation of sodium 
bisulfite addition compounds, which may at  a later time be 
decomposed to yield the aldehyde or ketone. The fact that 
the carbonyl compound is recoverable is responsible for the 

role this reaction has as a means of separating aldehydes 
and reactive ketones from mixtures that contain other or- 
ganic substrates. It is surprising that so little information is 
available with regard to the equilibria, kinetics, and mecha- 
nism of adduct formation and decomposition. 
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It is known that bisulfite addition compounds have a t  
least largely the a-hydroxy sulfonate rather than the a- 
hydroxy sulfite s t r ~ c t u r e . ~ - ~  Shriner and Land showed that  
the true structure in the case of acetaldehyde is of the for- 
mer type by using an unambiguous method of synthesis.6 
Physical methods were used by Stelling and later by 
Caughlan and Tarter to determine the structure of the ad- 
duct in s o l ~ t i o n . ~ , ~  From the Raman spectra of saturated 
solutions (at 60') it was concluded that there were no poly- 
meric forms of the adduct, and that the sodium bisulfite 
adducts of formaldehyde, acetaldehyde, propionaldehyde, 
and acetone are all derivatives of a-hydroxy sulfonates. We 
know of no evidence that these adducts exist in solution in 
more than one form. However, the possibility that a small 
fraction of the adduct is present in the form of the a-hy- 
droxy sulfite was not always considered in previous studies. 
We therefore investigated this possibility. 

We are aware of only two other reports on the equilibra- 
tion of an aldehyde or ketone and sulfite ion in alkaline so- 
lution,gJO and of no other studies where a significant por- 
tion of the curve relating the apparent equilibrium con- 
stant and pH has been determined for aliphatic aldehydes. 
For these reasons and in order to learn more about the pos- 
sible relationships between rate constants and equilibrium 
constants for one-step Lewis acid-base reactions, we have 
studied the addition of sodium bisulfite to isobutyral- 
dehyde over the pH range 2.3-12.8. 

Experimental Section 
Isobutyraldehyde (bp 63.5-64.0°) was freshly distilled before 

preparing solutions. Borax, boric acid, cacodylic acid (Fisher Sci- 
entific), sodium dihydrogen phosphate, sodium bicarbonate, and 
sodium barbitol were commercially available and used without fur- 
ther purification. Acetic acid was purified by several recrystalliza- 
tions a t  16.6'. Trifluoroethanol was shown to be pure by glpc anal- 
ysis. The concentration of formic acid (Mallinckrodt 88% analyti- 
cal reagent) was determined titrimetrically. 

Stopped-flow experiments were conducted on a Durrum-Gibb- 
son stopped-flow spectrometer equipped with a D-150 modular 
control unit. The photomultiplier signal was recorded as millivolt 
output on a Nicolet 1090 digital oscilloscope. Nmr spectral results 
were obtained on a Varian Model A-60A spectrometer using TMS 
as the reference. Ultraviolet and visible spectra were recorded on a 
Cary Model 1605 spectrometer. The pH measurements were made 
on a Radiometer Type 26 pH meter with a Type K401 reference 
electrode and Type G202C glass electrode. Sodium ion corrections 
to the pH were made where necessary. 

Stopped-flow experiments were begun by placing a solution of 
isobutyraldehyde and sodium sulfite (approximately 0.001 M in 
each) in one of two storage reservoirs and a solution of potassium 
triiodide (approximately 0.003 M )  in the other. Equal volumes of 
the two solutions, which were buffered and thermostated at  25O, 
were mixed by actuating the stopped-flow apparatus. The two so- 
lutions contained enough potassium iodide to give an ionic 
strength of 0.1 for the final mixture. The pH of the reaction mix- 
ture was determined after it exited from the apparatus. Slower 
reactions were followed using the Cary 1605. A solution of isobuty- 
raldehyde and sodium sulfite was first prepared and to this solu- 
tion was added an equal volume of potassium triiodide solution. A 
fraction of the solution was then placed in the thermostated cu- 
vette, and the other portion was used for determining the pH. 

Aqueous solutions of sulfite are easily oxidized, the extent of ox- 
idation depending greatly on the method of preparation and han- 
dling. It was necessary to titrate the standard solution of sulfite 
ion before a series of experiments could be conducted even though 
we had taken elaborate precautions to prevent oxidation of sulfite. 
Blank experiments were conducted to show that there was no ap- 
preciable oxidation of sulfite solutions to which isobutyraldehyde 
had been added over the same period of time that was required to 
experimentally determine the apparent equilibrium constant in a 
solution to which isobutyraldehyde had been added. To obtain a 
standard solution of sulfite ion, solid sodium bisulfite was weighed, 
dissolved in double distilled degassed (boiled) water, and placed in 
a large reservoir under nitrogen. The reservoir was attached to a 
buret that could be filled or emptied without introducing oxygen 

. from the atmosphere. This entire assembly was kept under a posi- 
tive pressure of nitrogen. A measured volume of standard potassi- 
um iodate solution was used to generate a predetermined quantity 
of iodine in a 125-ml erlenmeyer flask to which had been added 0.5 
N hydrochloric acid and potassium iodide. The volume of sulfite 
solution that was necessary to reach a starch-iodine end point and 
the number of milliequivalents of iodine originally present permit- 
ted the determination of the sulfite solution's normality. The dif- 
ference between this and the value based on the weight of sodium 
bisulfite used was attributed to oxidation to sulfate. 

The apparent equilibrium constant was determined titrimetri- 
cally as follows., A weighed amount of isobutyraldehyde was dis- 
solved in doubly distilled water and diluted to 100 ml; 75 ml of this 
solution was placed in a 250-ml volumetric flask, which was then 
filled to the mark with standard sulfite solution, sealed with paraf- 
fin, and allowed to equilibrate thermally in a 25O water bath in a 
25O laboratory. A known volume of this isobutyraldehyde-sulfite 
solution was added to the buffer solution in one of the seven or 
eight 25-ml volumetric flasks that were also in the 25" bath. This 
first solution was allowed to equilibrate and samples were removed 
for analysis and determining the pH before a second solution was 
prepared. An aliquot of the equilibrated mixture of sulfite and iso- 
butyraldehyde was quenched by adding i t  with rapid stirring to a 
chilled solution of 0.5 N hydrochloric acid and iodine. The amount 
of excess iodine was determined by back-titrating to a starch-io- 
dine end point with sodium thiosulfate. 

The apparent equilibrium constants were also determined spec- 
trometrically a t  25'. A solution of isobutyraldehyde and sulfite ion 
was placed in one reservoir and a solution of the appropriate buffer 
or sodium hydroxide in the second reservoir of the stopped-flow 
apparatus, which was then actuated to mix equal volumes of the 
two solutions. A blank run was made following the same procedure 
except that  distilled water was used in place of isobutyraldehyde 
solution. The concentration of free isobutyraldehyde at  equilibri- 
um was determined by subtracting the absorbance of the blank so- 
lution from the absorbance of the first solution and then dividing 
by the cuvette path length and the extinction coefficient. The ap- 
parent equilibrium constants were determined before aldol con- 
densation reactions could interfere. The pH was determined in the 
same manner as in the kinetic experiments. 

Sodium 1-Hydroxy-2-methylpropanesulfonate. In order to 
study the rate of dissociation of the complex and to study the ap-  
proach to equilibrium from the other side, we prepared the sodium 
bisulfite addition compound of isobutyraldehyde in 95% ethanol. 
The product was recrystallized several times from ethanol, and 
dried in various ways., Samples were analyzed for free sod-ium bi- 
sulfite by adding them to 0.5 M hydrochloric acid and titrating io- 
dometrically. ,They were analyzed for MeZCHCH(0H)SOaNa by, 
iodometric titration in a Borax buffer a t  p H  7, where the bisulfite 
addition compound decomposes rapidly, and correcting for the 
free bisulfite that had been found. These analyses showed that the 
material contained 86-91% bisulfite addition compound. Material 
dried in a current of air for 15-90 min contained only 0.1-0.2% free 
sodium bisulfite. Material that had been subjected to heat and 
high vacuum contained considerably more free sodium bisulfite, 
presumably as a result of loss of isobutyraldehyde from the addi- 
tion compound. The pmr spectrum in 100.0% DaO to which 
CD3C02D had been added, T 5.31 (s, 2.73, HOD), 5.81 (d, 0.95, J = 

6.5 Hz, CHa), and 7.90 ppm (m, 1.05, Me2CH), of a sample dried at  
0.05 mm at  room temperature for 24 hr showed no ethanol peaks 
nor evidence for any substances other than the bisulfite addition 
compound and water, of which there is seen to be about 0.86 mol of 
water/mol of addition compound in this sample. Sousa and Mar- 
gerum described good evidence that the crystalline sodium bisul- 
fite addition compound of benzaldehyde is a hemihydrate." Ele- 
mental analysis of a sample dried at  0.05 mm at  room temperature 
for 24 hr gave fairly good agreement with a hemihydrate structure. 
Therefore samples of this material were assumed to contain only 
the amounts of sodium bisulfite addition compound and free sodi- 
um bisulfite determined by analysis and water. 

Anal. Calcd for CsHzoNazOoS2: C, 25.95; H, 5.44; S, 17.32. 
Found: C, 26.02; H, 5.50; S, 17.97. 

5 Hz, CHSOa), 8.97 (d, 3.06, J = 6.5 H Hz, CH3), 9.01 (d, 3.06, J = 

Results 
The apparent equlibrium constant is defined by eq 1, in 

which adduct refers to all states of protonation of the bisul- 

K,, = [adduct]/([i-PrCHQ][free sulfite]). (1) 
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Figure 1. Log Kapp us. pH for isobutyraldehyde and sodium bisul- 
fite in water a t  25“ (0, titrimetric; 0 ,  spectrometric). 

fite addition compound and free sulfite refers to sulfite and 
bisulfite ions and sulfur dioxide (essentially the only form 
in which “sulfurous acid” exists a t  equilibrium). In the ti- 
trimetric experiments the adduct concentration was set 
equal to the total concentration of sulfite known to be in 
the solution minus the concentration of free sulfite. The 
concentration of uncomplexed unhydrated aldehyde was 
then set equal to the total concentration of aldehyde in the 
solution minus the concentration of adduct and the con- 
centration of aldehyde hydrate and its conjugate base cal- 
culated from the equilibrium constants for hydration of the 
aldehyde and for the acidity of the hydrate.12 For example, 
an equilibrated solution 0.01412 M in total aldehyde and 
0.006892 M in total sulfite a t  pH 9.258 and ionic strength 
0.138 was found to be 0.003112 M in free sulfite. These 
data give a value of 188 M - l  for Kapp. In the spectropho- 
tometric experiments the adduct concentration was calcu- 
lated from the difference between the total concentration 
of aldehyde and that seen spectrally to be present at equi- 
librium (allowing for hydration and hydrate acidity). The 
92 values of Kapp obtained over the pH range 2.3-12.8 are 
plotted logarithmically against pH in Figure 1 and are list- 
ed in Table I11 (in the miniprinted section of this paper). 

Preliminary spectrophotometric kinetic studies carried 
out around pH 11 showed that the decomposition of adduct 
produced an increase in absorbance at  the 285-nm alde- 
hyde maximum followed by a decrease as the aldehyde was 
hydrated. I t  therefore seemed simpler to follow the reac- 
tion by a method similar to that of Stewart and DonnallylO 
in whjch triiodide ions react with the sulfite ions as rapidly 
as they are formed and thus prevent reversal of the decom- 
position of the adduct. First-order rate constants were cal- 
culated from eq 2 in which [I3-]0 is the initial and 
the final triiodide concentration (measured spectrophoto- 
metrically) and [I3-] is the concentration at  time t .  

k,,,t = In - [I3-lm)/([I3-1 - [13m]m)] (2) 

Discussion 
The reaction mechanism shown in Scheme I was as- 

sumed to be operating, Equilibrium constants for the for- 
mation of S2- and SH- and for the acidity of SH- are de- 
fined in eq 3-5. At zero ionic strength these equilibrium 
constants are related to each other by eq 6, in which 
K H S O ~ -  is the acidity constant for bisulfite ions. The ap- 

Ks 2 -  = [s~--I/(~al[~o,”-l) (3 ) 

K S H -  = SH-l/ ([ HSo3  -1) (4 ) 

K, = [H’][S2-]~,‘/[SH-] (5) 

pK,  = pKHso3- + log KSH- - log Ks2- (6 ) 

parent equilibrium constant may be expressed as shown in 
eq 7, in which y5 is the activity coefficient of a single- 
charged ion and K so2 is the acidity constant ([H+] [HS03-]/ 
[SOZ]) for sulfurous acid. Scheme I does not allow for the 

formation of any electrically neutral a-hydroxysulfonic 
acid. Stewart and Donnally reported a pK, value of -3 for 
the sulfonic acid derived from bisulfite and benzaldehyde. 
If the one derived from isobutyraldehyde is a t  all similar its 
concentration will be negligible a t  pH 2.3, the most acidic 
solution in which we made measurements. 

Figure 1 shows that Kapp approaches K S Z -  a t  high pH. 
On dropping to intermediate pH’s, it  increases apd be- 
comes essentially equal to KSH-  around pH 4.5 before 
starting to drop below pH 3 (because of the transformation 
of significant fractions of the sulfite to “sulfurous acid,” pK 
1.76413), A least-squares treatment14 of the observed 
values of Kapp carried out using a pKH&- value of 7.205 
at zero ionic strength13 and the Davies equation15 to calcu- 
late yk gave the values of KSZ- ,  KSH-, and K ,  listed in 
Table I. The line in Figure 1 was calculated from these 
values for an ionic strength of 0.10 (although the experi- 
mental ionic strength ranged from 0.023 to 0.286). 

In the a-hydroxy sulfite alternative 1 to the usually ac- 
cepted a-hydroxy sulfonate structure 2 for the anion of bi- 

Me,CHCHSO,- Me,CHCHOSO,‘ 
I I 

OH OH 
1 2 

sulfite addition compounds, the sulfur is tetravalent. In 
view of the oxidizability of many tetravalent sulfur com- 
pounds, the ease of  hydrolysis of sulfite esters,16 and the 
fact that alkyl hydrogen sulfites (like sulfurous acid) are 
unknown, 1 would be expected to yield free sulfite or to be- 
have like free sulfite when our equilibration solutions were 
quenched with acid before iodometric titration. Hence, 
when isobutyraldehyde is present in greater and greater ex- 
cess over sulfite, the fraction of sulfite that is titratable 
should approach [1]/([1] + [21). The results shown in Table 
I1 show that 1 comprises less than 0.3% of the total bisulfite 
addition compound. The bulky nature of the isopropyl 
groups should destabilize 2 relative to 1, in which there is 
less branching at  sulfur and the sulfur atom is farther from 
the isopropyl group. Hence if an a-hydroxy sulfite struc- 
ture is ever important, it  will probably have to be with a 
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Table I 
Summary of pH Independent Equilibrium Constants and Rate Cornstants 

for Aldehyde-Bisulfite Equilibrations in Water 
pKaa  kd, wc-1 l O - S k * ,  M-'sec-' Ref ___- Structure Ksa-, M-1 10 - 6 K s ~  -, M -1 

Isobutyraldehydeb 3 . 7 0  0 .48  1 1 . 3  3800 0 . 1 4  This work 
Formaldehyde 220,000 -106 1 1 . 7  43 w 9 5  9 
Benzaldehydec 65 0 .10  9 . 6  180 0 .12  10 

ffi At zero ionic strength. b Temperature 25'. c Temperature 21'. 

Table I1 
Per Cent Titrable Sulfite in the Presence of Excess Isobutyraldehyde at 25" in Water 

Total 7* titrable 
Buffer - aldehyde [NaHSOalt~t~i lo6 [Sulfiteltitrated sulfite PH 

Phosphate 0.08756 0.01222 0 .o 0.00 5 .669  
Phosphate 0.07505 0 .01222 2 . 2  0 .18  5 .662  
Phosphate 0.05003 0,01222 2 . 2  0 .18  5 .666  

0.03752 0,01222 3 . 1  0 . 2 5  5 .663  Phosphate 
0.02502 0,01222 6 . 2  0 .52  5 .670  Phosphate 
0.01318 0,01217 147 12 .10  6 .097  Acetate 
0 ,3592 0.01753 5 . 2  0 . 3 0  3 .452  None 
0 .3353 0 ,01753 3 . 1  0 . 1 8  3 .417  None 
0.2395 0.01753 3.1 0 . 1 8  3 .575  None 
0.1916 0.01753 4 . 1  0 .24  3 .650  None 
0.1197 0 ,10753 2 . 7  0 . 1 5  3 .687  None 
0.07184 0.01753 5 . 2  0 .30  3.778 None 
0.03592 0.01753 6 9 . 7  3 .98  3 .468  None 
0 ,01895 0.01749 202 11 .52  3 .967  Acetate 

much more crowded carbonyl compound than isobutyral- 
dehyde. 

The spectrophotometric method for determining Kapp is 
most reliable for fairly small values of Kapp but the values 
obtained above p H  11 are so small as to reduce the reliabil- 
ity somewhat. The proportion of isobutyraldehyde that 
forms a product can be regulated to some extent by adjust- 
ing the concentration of sulfite. If the concentration of sul- 
fite ion greatly exceeds the concentration of isobutyral- 
dehyde, a greater percentage of the aldehyde can be forced 
to react. Since we wanted to keep the ionic strength below 
0.14 when possible, the amount of sulfite ion that could be 
used to force more of the aldehyde to  react was limited. 
The fact that the apparent equilibrium constant becomes 
quite large as the solution is made more acidic also placed a 
limitation on the accuracy with which we could determine 
the concentration of isobutyraldehyde spectrophotometri- 
cally. I t  is for this reason that we chose to study the equi- 
librium below pH 9.5 by quenching an equilibrated mixture 
and then titrating to determine how much of the sulfite 
had not formed an adduct. 

The titrimetric method for obtaining the equilibrium 
constant appears to be far more sensitive than the spectro- 
metric method of analysis, particularly where a very large 
fraction of the isobutyraldehyde has reacted to form ad- 
duct. Unlike the spectrophotometric method of analysis, 
where the concentrations a t  equilibrium are directly ob- 
tained, the titrimetric method of analysis gives the concen- 
tration of sulfite ion in the much more acidic quenched so- 
lution. There are two criteria that must be met to assure 
that the calculated equilibrium constants are the correct 
constants. The first is that  there be no change in the con- 
centration of complexed sulfite ion as the reaction is 
quenched, and the second is that  the rate of dissociation of 
the complex be negligible a t  the pH a t  which the solution is 
titrated. To  learn whether the rate of dissociation is negli- 
gible a t  the pH a t  which the solutions were titrated, an 
equilibrated solution of isobutyraldehyde and sulfite ion 
was quenched in the manner described and the amount of 
excess iodine determined by back-titrating with sodium 
thiosulfate. However, in this experiment the amount of so- 

dium thiosulfate necessary to remove the last trace of pur- 
ple starch-iodine indicator was not added immediately. In- 
stead, the solution was allowed to stand several minutes 
during which time the very faint purple color of the indica- 
tor persisted. The last drop of sodium thiosulfate was 
added after 30 min and the last trace of purple color was 
destroyed. If there had been a reaction during the 30-min 
experiment before adding thiosulfate, the color of the indi- 
cator would have faded. We estimate the rate constant for 
dissociation of the adduct to be less than 5.7 X sec-l 
under the conditions of the titration. The resulting error in 
the titration is negligible. 

To  learn whether the concentration of adduct shifts as 
equilibrated mixture of sulfite and isobutyraldehyde is 
quenched, let us compare the values of Kapp determined ti- 
trimetrically with those determined spectrophotometrical- 
ly. There is a portion of the curve in Figure 1 where points 
for the two types of Kapp overlap (and agree satisfactorily). 
The pH range over which the two methods were compared 
could not be extended to more acidic solution because the 
spectrophotometric method became unreliable. Above pH 
10 the equilibrium constant determined titrimetrically be- 
came larger than the value determined spectrophotometri- 
cally by amounts that increased with increasing pH. Ap- 
parently it was no longer possible to quench the reaction. 
The fact that the titrimetric equilibrium constants were 
too large suggests that  significant amounts of free sulfite 
ion added to aldehyde during the addition of equilibrated 
solution to the hydrochloric acid and triiodide ion. The in- 
crease in acidity that occurs upon quenching is accompa- 
nied by an increase in Kapp, which favors formation of 
more adduct. The dilution of the equilibrated mixture fa- 
vors dissociation of adduct. The experimental results 
suggest that  the presence of enough base in the equilibra- 
tion solution will so slow the change in pH that the pH and 
the equilibration rate will remain high for a long enough 
time to permit an appreciable shift in equilibrium during 
quenching. We were unable to  circumvent this difficulty 
even by using quenching solutions as acidic as 5 N hydro- 
chloric acid. Since the rate of equilibrations is much slower 
in acidic solution, and since the spectrophotometric meth- 
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od and the titrimetric method are in good agreement where 
the initial solution's pH is less than or equal to 9.6, there is 
reason to believe that the Kapp values determined titrime- 
trically a t  a pH less than 9.6 are reliable. 

According to the mechanism in Scheme I, kobsd should 
vary with the acidity as shown in eq 8. However, since the 

(8) 

pK, is 11.32 and the kinetics were not followed a t  any pH 
above 7.6, hobsd may be expressed simply as kdK,/ 
([H+]ylt4). Although some of the deviations from the 
straight line shown are larger than the variations in log yk4 
the plot is linear within the experimental uncertainty. This 
supports the adequacy of Scheme I. Nevertheless, the pos- 
sibility of general catalysis by the constituents of the ace- 
tate and cacodylate buffers was examined by a least- 
squares treatment of the k obsd values. All the catalysis con- 
stants for general catalysis were within the estimated stan- 
dard deviations of zero. The leas t -~quares l~  best values of 
h d and k f are listed in Table I. Also listed are values calcu- 
lated from literature data on formaldehydeg and benzalde- 
hyde.1° Some of the additional literature data on bisulfite 
addition to carbonyl compounds are difficult to compare 
with those in Table I. Sousa and Margerum'l described ev- 
idence that Gubareva17 was not justified in assuming that 
dissociation of bisulfite addition compounds during iodom- 
etric titration of unacidified solutions may be neglected. 
Sousa and Margerum's experimental method should give 
their reaction solutions a pH around 5 .  A K value at  21' in- 
terpolated from their data a t  13 and 23' is about 60% as 
large as the value reported by Stewart and Donnally a t  pH 
5 (in a pH region where K changes only slowly with chang- 
ing pH).'O Uncertainty in the pH makes it impossible to 
obtain values of k d and k f from Sousa and Margerum's rate 

0 0  

- 2.0 

-3.0 I/ 
I I 1 

5 0  6 0  7 0  
P H  

Figure 2. Log k &sd us. pH for sodium isobutyraldehyde bisulfite 
in water at 25' and 0.1 ionic strength. 

data, however. Blackadder and Hinshelwood studied the 
rates of dissociation of the bisulfite addition compounds of 
acetone, propionaldehyde, acetaldehyde, formaldehyde, 
chloral, and a number of benzaldehyde derivatives.ls They 
determined rate constants a t  two pH's but gave no equilib- 
rium data. Geneste, Lamaty, and Roque19,20 studied the 
rates of dissociation of the bisulfite addition compounds of 
several aliphatic aldehydes and ketones and several benzal- 
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dehyde derivatives a t  pH 4. In none of these studies were 
enough data obtained to permit the calculation of k d or k f 
values. 

Sqkensen and Andersen report a pK, of 11.7 for the bi- 
sulfite adduct of formaldehyde a t  25'. We have calculated 
their data, allowing for the acidity of formaldehyde hy- 
drate,21 which had been neglected, and get a pK, of 11.8 f 
0.5, Ksz- of (2.8 f 2 )  X lo5 M - l ,  and K S H -  of 1 O l o  M - ' .  
The uncertainty in the pK, and in both constants, K S Z -  
and KSH-, is attributable to the uncertainty in the inter- 
cept (which is related to the pK, and very near to zero) in 
the plot correlating 1/K obsd with l/[OH-]. However, the 
magnitude of K S H -  agrees well with the value of 1.6 X 1O1O 
M - l  that can be obtained by combining the results of 
Skrabal and S k r a b a P  with the equilibrium constant for 
hydration of formaldehyde. Stewart and Donnally report a 
pK, of 9.16 for the bisulfite adduct of benzaldehyde at  21' 
and ionic strength 0.10. This corresponds to a value of 
about 9.6 a t  zero ionic strength. Thus the thermodynamic 
pK, values of compounds of the type RCH(OH)S03- are 
about 11.8, 11.3, and 9.6 when R is hydrogen, isopropyl, 
and phenyl, respectively. Acids of the type RCH2NH3+ in 
which R is separated from the acidic proton by the same 
number of atoms, have pK, values of 10.7, 10.4, and 9.3, a t  
26O, when R is hydrogen, isopropyl, and phenyl, resepctive- 
ly.23 Thus the effect of changing R from hydrogen to iso- 
propyl in one series is the same, within the experimental 
uncertainty, as in the other. Phenyl, however, is an anomal- 
ously effective acid strengthening substituent in the a-hy- 
droxy sulfonate series, not only by comparison to the am- 
monium ions but also by comparison to simple alcohols. 
Benzyl alcohol is about eight times as strong an acid as iso- 
butyl alcohol and is only slightly stronger than methanol in 
isopropyl alcohol solution.24 I t  may be relevant that if the 
titrimetric Kapp values obtained above pH 10 by Stewart 
and Donnally were too large because of imperfect quench- 
ing, as ours were, too small a pK, value for the bisulfite ad- 
dition compound would result. We feel that their quench- 
ing method, in which acid but no cooling was employed, is 
probably not as effective as ours. However, if h d is as much 
smaller for the benzaldehyde adduct as they report, per- 
haps a less effective quenching method would still be effec- 
tive enough. 
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The design, construction, and operation of an automated preparative liquid chromatography system capable of 
separating multigram quantities of materials is presented. The system repetitively injects the sample, monitors 
the effluent, detects and separately collects, as programmed, entire chromatographic bands, then distills and 
reuses the eluting solvent. 

The general utility of liquid chromatography systems is 
now widely appreciated, several commercial units being 
available. Because these commercial systems are basically 
analytical units which operate a t  high pressures and em- 
ploy small columns packed with expensive adsorbents, they 
are not particularly well suited for the routine separation of 
multigram quantities of materials. Recognizing a need 
among organic chemists for instrumentation capable of 

such separations, we herein describe an automated low- 
pressure preparative liquid chromatography system which 
repetitively injects the sample, monitors the effluent, de- 
tects and separately collects, as programmed, entire chro- 
matographic bands, then distills and reuses the solvent. 
Apart from its ability to separate multigram quantities 
through unattended repetitive operation, the system ob- 
viates the use of large quantities of solvent, substantially 


