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A spectrophotometric search for the addition of a variety of monodentate oxygen, nitrogen, sulfur, and carbon
nucleophiles to boric and benzeneboronic acids in aqueous solution was made. None of the nucleophiles appeared
to react significantly with boric acid. Among the nucleophiles which were tested with benzeneboronic acid, only
1-methylimidazole, imidazole, hydrazine, and probably 2,2,2-trifluoroethoxide ion reacted. The equilibrium con-
stant for the addition of trifluoroethoxide ion to benzeneboronic acid was estimated to be 3500 M ~1, at 25° and
1 M ionic strength. The equilibrium constants for the addition of 1-methylimidazole and imidazole were deter-
mined spectrophotometrically and, in one case, potentiometrically and have values of 12.2 and 10.7 M ~, respec-
tively, at 25° and 1 M ionic strength. Apparent acid dissociation constants for boric and benzeneboronic acids
in the presence of some salts and organic solutes are reported.

Boric acid and boronic acids exist in water as trig-
onal compounds which ionize by the addition of hy-
droxide ion to form tetrahedral compounds (eq 1, XR’

B(OH); + XR’ === RB(OH).XR’ (1)

= OH7).2® The addition of monodentate nucleo-
philes other than hydroxide ion to boric and boronic
acids in water has received little attention. Edwards
has described the reaction of hydroperoxide anion with
boric acid (eq 1, XR’ = OOH~) and determined an ap-
proximate equilibrium ccnstant for the reaction. Tan-
ner and Bruice have reported that phenols do not form
esters with aqueous boric acid in appreciable amounts;
however, they do not give the experimental data tipon
which this conclusion is founded.® In this paper we
describe a search for the addition of a variety of mono-
dentate ligands to boric acid and benzeneboronic acid
in water. Benzeneboronic acid was found to react with
1-methylimidazole, imidazole, hydrazine, and probably
2,2,2-trifluoroethoxide anion. Execept for the reaction
with hydrazine, the equilibrium constants for these re-
actions have been determined. In other cases which
we investigated no significant reaction was detected, and
therefore we report only upper limits for the equilibrium
constants.

Experimental Section

Materials.—Reagent grade boric acid and potassium tetra-
borate were used without further purification. Benzeneboronic
acid from Aldrich Chemical Co. was recrystallized twice from
water; it gave the theoretical equivalent weight upon titration
with sodium hydroxide in the presence of 0.5 M mannitol.® The
nucleophiles which were used, with the exceptions of p-nitroben-
zenethiol, phenol, aniline, and nitromethane, were either re-
crystallized or redistilled.

Methods.—Spectra were recorded with a Unicam SP800A re-
cording spectrophotometer; individual absorbance readings were
taken with either the Unicam or a Gilford 240 spectrophotometer.
Teflon-stoppered, 1-cm cuvettes were generally used; in a few
cases 5 mm or 1 mm cuvettes were used. pH values were mea-
sured with a Radiometer 25 SE pH meter. The meter was
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standardized just before use with standard buffers at two pH
values which encompassed the range of pH measurements. All
solutions which were used in the potentiometric determinations
of the association constants (see Table I1) were prepared with de-
gassed and deionized water saturated with nitrogen and were kept
under argon during the measurement of pH. Also, the buffers
of benzeneboronic acid which were used for this purpose were
made from the acid with carbonate-free potassium hydroxide.?

Al] experiments were carried out with reaction mixtures at 25.0
= 0.1° and at ionic strength 1.0 M, adjusted with KCI.

Results and Discussion

pK Values of Boric and Benzeneboronic Acids.—
Table I presents our values and ones from the literature

TasrLe I

APPARENT pK VALUES OF BoRic AND BENZENEBORONIC AcCIDS,
AT 25° aAxDp 1 M ToN1c STRENGTH

Boron compd M Solvent pKBE
Boric acid 0.004 Water 9.02¢
Water 9.18?

0.004 0.30 M p-Dioxane  9.05¢

0.004 0.35 M p-Dioxane  9.08¢

0.004 0.40 M p-Dioxane  9.08%

0.004 0.53 M p-Dioxane  9.12¢

0.004 0.10 M Furan 9.06¢

4.3 M Ethanol 9.87¢

Benzeneboronic 0.004 Water 8.684
acid Water 8.86°
4.3 M Ethanol 9.70°

¢ From potentiometric titrations with 1 N NaOH. The pK
was obtained by plotting the data according to the equation pH
= pK + log [B]/[HB], where [B] is the concentration of the
basic species and [HB] is the concentration of the acid species.
In each case a mixture which was identical except for the absence
of the boron compound was also titrated with 1 N NaOH. The
values of [B] were obtained by subtracting the milliliters of base
required to achieve a pH in this control from the milliliters of
base required to achieve the same pH in the titration mixture.
The values of [HB] were calculated by subtracting the values of
[B] at each pH from the end point value of [B]. The plots of pH
vs. log [B]/[HB] were linear with slopes of 0.93-1.1. * In water,
at 25° and 0.04 M ionic strength or less, from ref 6. ¢In 4.3 M
ethanol, at 25° and 0.04 M ionic strength or less, from reference
given in footnote b. ¢ From a spectrophotometric titration at
267 nm, where the molar extinetion coefficients of the acidic and
basic species are 435 and 125 M ~! em~!, respectively. For the
procedure, see V. Gold, “pH Measurements,” Methuen, London,
1956, Chapter VIII. The solutions were buffered at each pH by
the benzeneboronic acid itself.

for the apparent pK’s of boric and benzeneboronic
acids. The values increase upon the addition of solutes

7y C. W, Davies and G. H. Nancollas, Nature (London), 165, 237 (1950).
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less polar than water. This increase can be explained
by the fact that the ionization reaction, RB(OH), =
RB(OH);~ 4 H;0+, is one in which a neutral species
viclds two ions. An additional complication in the case
of cthanol is that ethanol can react with the acids to
form an ester (eq 2, R’XH = CH;CH;OH). Because

RB(OH); + R’XH —== RB(OH)XR' 4 H:0 @)

the pK values of ethanol and water are about the same,?
it seems likely that the equilibrium constant for this re~
action as written is close to one. The qualitative ob-
servation that esters of boric acid hydrolyze in water
supports this view.? Also, the analogous equilibrium
constant for the esterification of acetic acid has a value
of 3.3 at 25°.1® The fraction as ester in 4.3 M ethanol
therefore probably lies in the 0 to 0.5 range. If the
ester has a much higher pK than the acid, its formation
alone could account for the rise in pK in ethanol. How-
ever, the substitution of OC.H; for OH probably does
not alter the pK value by more than 0.3 units, so that
the increase in the apparent pK values which is caused
by ethanol is probably largely a solvent effect.

Reaction of Benzeneboronic Acid with Trifluoro-
ethanol. —Solutions of pH 8.60 that contained 0.005 M
benzeneboronic acid at 1 M ionic strength in water, in 1
M ethanol, and in 1 M 2,2,2-trifluoroethanol were pre-
pared by determining how much NaOH was necessary
to adjust trial solutions of the acid to this pH. The
absorbances of these solutions at 267 nm, which is the
wavelength of maximum absorbance for the acid itself,
against blanks which lacked the benzeneboronic acid
were 1,465, 1.626, and 1.359, respectively. The ultra-
violet spectra were identical in shape. A similar experi-
raent in which the spectra were obtained in water, 2 M
ethanol, and 2 M trifluoroethanol, gave a qualitatively
similar result and showed that the absorbances did not
change over a period of 18 hr. On the other hand, the
spectrum of benzeneboronic acid was not altered by 1 M
ethanol or trifluoroethanol at pH 2 and 1 I ionic
strength. For the reasons discussed above, the most
likely explanation of the result with ethanol is that the
ethanol increased the apparent pK of benzeneboronic
acid by a solvent effect.’* The molar absorbancies of
the benzeneboronic acid and anion at 267 nm in water
(egn and eg) were determined to be 435 and 125 M !
em™, respectively, and therefore the concentrations of
acid and base present in the 1 M ethanol were 0.00322
and 0.00178 M and the apparent pK is 8.86.

The result with trifluoroethanol cannot be inter-
preted unambiguously, since both the solvent effect
and the tendency of trifluoroethanol to react with ben-
zeneboronic acid contribute to the result. In order to
estimate a value for the equilibrium constant for the
addition of trifluoroethoxide anion to benzeneboronic
acid (eq 1, R’X = CF;CH,0), we will assume that the
solvent effect is the same as that with ethanol and that
the equilibrium constant for the esterification reaction
(eq 2, R’XH = CF;CH;OH) is close to unity. This
latter assumption means that the fraction as the ester

(8) P. Ballinger and ¥. A, Long, J. Amer. Chem. Soc., 8%, 795 (1960).

(Z;)A. Scattergood, W H. Miller, and J. Gammon, Jr., ibid., 87, 2150
<1310). W. P. Jencks and M. Gilchrist, tbid., 86, 4651 (1964).

(11) The effects of ethanol and trifluoroethanol upon the spectrum are
probably not due to solvent effects upon the glass electrode, since the pH

value of 103 N HCl in water, 1 M ethanol, and 1 M trifluoroethanol at 25°
and 1 M ionic strength were found to be 3.06, 3.08, and 3.09, respectively.
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CF;CH.OBC.H;(OH) is less than about 59,. Accord-
ing to these assumptions, the smaller absorbance in the
presence of 1 M trifluoroethanol than in the presence of
1 M ethanol is due to the formation of the species CF;-
CH,0OB—C¢H;(OH),, which would be expected to have a
molar absorbancy similar to that of benzeneboronate
anion. The approximate concentration of this species
is given by eq 3, where Ax and Arrg are the absorbances

Kgr
ax + Kpu GB_-J X

[RB(OH)XR'] (3)

AE—ATFE=[ - ST

€BH
om + Ksr

of the reaction mixtures with ethanol and trifluoro-
ethanol, ay is the activity of the hydrogen ion, and
Kagy is the acid dissociation constant of benzeneboronic
acid in 1 M ethanol. Using this concentration, we can
calculate an approximate equilibrium constant for the
formation of the trifluoroethoxide adduct, according to
eq 4, where the subscript T signifies the total concen-"

Kn = JRBOHXR] _
N T [RB(OH)LI[XRT
[RB(OH):XR'] )
((RB(OH)]r — [RB(OH)»XR') X
(an/Kpr + an)[R'XH]r(Krxa/Krxe + o)

tration of all species and Kg-xy is the acid dissociation
constant of triftuoroethanol (4 X 10~!% at 25°%). The
estimated value for Ky is 3500 M .

The equilibrium constant for the corresponding reac-
tion with hydroxide ion (eq 1, R’X = HO™) is equal to
Kgu/Kw, where Ky is the ion product of water; and
therefore it has a value of about 1.4 X 10® M1, Thus,
it appears that the difference in basicity of 3.3 log units
between hydroxide ion (the pK of water is 15.7) and
trifluoroethoxide ion is associated with a difference in
log Kx of only 1.6 log units. This greater sensitivity
of basicity to electronic effects means that the proton
is more electron demanding than the RB(OH), group.
This conclusion is the one that is expected from the
fact that the boron adduct bears a net negative charge.

Reaction of Benzeneboronic Acid with 1-Methyl-
imidazole and with Imidazole.—The addition of 1-
methylimidazole buffers or imidazole buffers to solu-
tions of benzeneboronic acid at the same pH as the
buffer caused the spectrum of the benzeneboronic acid
to change from predominantly the spectrum of the
acidic species to one which resembled that of the ben-
zeneboronate anion. The spectral change was com-
plete within less than 15 sec, and the new spectrum
was stable for at least 2 hr.

The apparent equilibrium constants for these reac-
tions were determined spectrophotometrically at sev-
eral pH values. The absorbances at 267 nm of reac-
tion mixtures which contained a single concentration
of benzeneboronic acid in the presence of various con-
centrations of l-methylimidazole or imidazole buffer
were measured against air and then corrected for the
absorbance of the buffer by subtracting the absor-
bances of blank mixtures which lacked benzeneboronic
acid and which were also measured against air. The
concentrations of both the acidic and basic species of
the buffer were five times or more as large as the con-
centration of the benzeneboronic acid. Under these
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Figure 1.—Spectrophotometric determination of the equilib-
rium constant for the reaction between l-methylimidazole and
benzeneboronic acid, at 25° and 1 M ionic strength. The re-
ciprocal of the difference between the absorbance of benzene-
boronic acid alone and the absorbance of benzeneboronic acid
in the presence of 1~methylimidazole buffers, at 267 nm, is plotted
against the reciprocal of total concentration of 1-methylimidazole
buffer. The concentration of benzeneboronic acid was 0.0030 M
throughout. The 1-methylimidazole buffers contained 20 (m),
40 (O), 60 (O), and 809, (@) free base.

conditions, the equation which describes the formation
of a 1:1 complex is eq 5, where A4 is the difference be-

1 1 1
Ad = (Kobd[RB<0H>21TAe) ([R’XHJT) +
1
[RB(OH)zhe

tween the absorbance of the benzeneboronic acid alone
at the pH of the buffer and the absorbance of the mix-
ture of benzeneboronic acid and 1-methylimidazole or
imidazole buffer; Koy is the apparent equilibrium con-
stant for complex formation; [RB(OH):lr is the total
concentration of benzeneboronic acid; Ae is the differ-
ence between the sum of the molar extinction coeffi-
cients of the benzeneboronic acid [(esman + esKnn)/
(Ksz + am)] and the 1-methylimidazole or imidazole
buffer (erxy) and the extinction coefficient of the com-
plex (¢); and [R'XH]r is the total concentration of
the l-methylimidazole or imidazole buffer. Linear
plots of 1/A4 ws. 1/[R’XH ]r were obtained in all cases
(see Figure 1 for the results with 1-methylimidazole);
and thus the data are adequately explained by the as-
sumption of a 1:1 complex. The values of Kopeq in-
creased with the fraction of base in the buffer. This
fact suggested that the complex contains the elements
of 1-methylimidazole or imidazole base and the acidic
species of benzeneboronic acid. The values of the pH-
independent equilibrium constant for the formation of
the complex from these species (Kx) were obtained by
use of eq 6, where Kgxg is the acid dissociation con-

Ky = Kupat (KBH + aH) Krxu + aH)

ag Krxm

(6)

stant of 1-methylimidazolium ion (4.6 X 10—8 M) or
imidazolium ion (6.0 X 10-8 M). The values of Ky
which were calculated from the various values of Kgpea
were the same within =59, of the average value and
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equal to 122 M~ for the complex with 1l-methyl-
imidazole and 10.7 2/ —* for the complex with imidazole.

The  equilibrium constant for the reaction of 1-
methylimidazole with benzeneboronic acid was also
determined by a potentiometric method. Since 1I-
methylimidazole complexes detectably only with the
acidic form of benzeneboronie acid, the addition of 1-
methylimidazole base to a buffer of benzeneboronic
acid should remove the acidic species and therefore
raise the pH to a higher value than the value which
would be reached in the absence of complexation. The
equilibria which must be considered are given in eq 7,

KN
R’X + RB(OH), === Complex

KR'XHl r 1 LKBH )

R’XH RB(OH)

where R’XH and R’X refer to the acidic and basic

species of the tertiary amine. This scheme yields eq 8,
Ky = KpuaKrxa[RB(OH )], 3
[R'X]an[RB(OH)s1oKrxn + [R'X]%g?
Krr 1

[RB(OH kloKrxx + [R'XJax  [R'X]

in which [RB(OH).], and [RB—(OH);], are the concen-
trations of these species in the absence of 1-methyl-
imidazole. Solution of eq 8 for Ky requires the
value of [R’X], the concentration of the basic species.
In our experiments (see Table II) we used total con-

(8)

Tasre I1
EquiniBritM CONSTANTS ¥OR THE REACTION OF TERTIARY
AMINES WITH BENZENEBORONIC ACID, FROM POTENTIOMETRIC
MEASUREMENTS AT 25° AND 1 M IoNIc STRENGTH

M of pH of pH of

RB(OH): buffer M of buffer
Amine buffer alone amine® - amine En®
1-Methylim- 0.01 9.16 0.15 9.72 11.0
idazole 0.02 9.17 0.30 9.89 10.3
0.01 8.68 0.15 9.37 11.2
0.02 8.69 0.30 9.51 11.3
0.02 9.16 0.30 9.91 11.6
0.023 9.18 0.345 9.96 11.1
0.01 9.16 0.15 9.72 11.0
Pyridine 0.01 9.15 0.15 9.25 1.6
0.02 9.16 0.30 9.35 1.8
0.01 8.69 0.15 8.80 1.6
0.02 8.70 0.30 8.89 1.9

@ Total concentration of all species. °Kx is the equilibrium
constant for formation of the complex from the tertiary amine
base and the acidic species of the boron compound. The values
of Ky were calculated from eq 8 in the text; the values of Kpm
in water at 25° and 1 M ionic strength were taken from Table I;
the values of [RB(OH),], and [RB(OH)s], were calculated from
the pH of the buffer in the absence of amine and the total concen-
tration of buffer by use of the equation in footnote a of Table 1;
the value of pKr:xg for 1-methylimidazolium was determined to
be 7.34 at 25° and 1 M ionic strength by potentiometric titra-
tion; and the value of pKg.xg for pyridinium at 25° and 1 M
ionic strength with KCl is 5.52, according to W. P. Jencks and
M. Gilehrist, J. Amer. Chem. Soc., 90, 2622 (1968).

centrations of 1-methylimidazole which were 15 times
those of the benzeneboronic acid. Under these condi-
tions, even if all the boronic acid were complexed with
1-methylimidazole, the concentration of the free base
would be equal to 929, or more of the total concentra-
tion of l-methylimidazole. Consequently, we have
calculated values of Ky from eq 8 by using the total
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concentrations of 1-methylimidazole in place of [R’X].
Sample calculations in which we have assumed various
possible values for [R’X] show that this approximation
does not change the values of Ky for any of the cases
given in Table II, including that of benzeneboronic
acid plus pyridine, by more than 159,. The values of
Ky for the reaction of 1-methylimidazole with benzene-
boronic acid which have been obtained by the poten-
tiometric method in this way are the same over a range
of buffer ratios and l-methylimidazole concentrations
and agree well with the value from the spectrophoto-
metric method (Table II).

The potentiometric method was also used to search
for complex formation between benzeneboronic acid
and pyridine (Table II). Small increases in pH oc-
curred when pyridine was added to buffers of benzene-
boronic acid. Since these increases may be partly due
to other factors, such as a solvent effect upon pKus
(see Table I), the small value for Ky is probably best
considered only an upper limit. No complex formation
with pyridine was detected spectrophotometrically
(see below).

On the basis of the above evidence the most likely
structures for the complexes between benzeneboronic
acid and 1-methylimidazole or imidazole is 1. 4

Ph

=]
RN NB™—OH

OH
1L,R=CHzor H

priort, an alternate possible structure for the complex
with imidazole was 2, the product of the dehydration
of 1. However, the fact that the equilibrium constant

1 _Ph

~
Ns.NB
" SoH

2

for the formation of the complex with imidazole is
virtually the same as that for the formation of the com-
plex with 1-methylimidazole and the fact that the ultra-
violet spectra of the two complexes are the same shows
that 2 is not formed in significant amounts. Philipp
and Bender have reported B! nmr evidence for the for-
mation of a complex between imidazole and dimethyl
m-nitrobenzeneboronate in methanol.!?

Search for Other Reactions.—On the basis of the
known chemistry of boron compounds,’3—% we expect
that the following equilibria between oxygen, sulfur,
and carbon nucleophiles and boric or benzeneboromc
acids are rapidly estabhshed in water.

R'X- + RB(OH) = R/XB(OH)R
KR,XH“iHJr JriH*‘ (9)
X —
R’XH + RB(OH): === R’XB(OH)R + H,0
X =0,8C

(12) M. Philipp and M. L. Bender, Pro¢. Nat. Acad. Sei. U. 8., 68, 478
(1971).

(13) E. L, Muetterties, Ed., “The Chemistry of Boron and Its Com-
pounds,” Wiley, New York, N. Y., 1967.

(14) H. Steinberg, *‘Organoboron Chemistry,” Vol. I, Wiley, New York,
N. Y., 1964.

(15) H. Steinberg and R. J. Botherton, ‘‘Organoboron Chemistry,” Vol.
11, Wiley, New York, N. Y., 1966.

J. Org. Chem., Vol. 37, No. 14, 1972 2235

The expected equilibria for primary and secondary
amines are somewhat more complicated.

R./NB(OH).R

|fme

== R/NB(OH)R + H:0

I

Rg’HNB(OH)zR

|

K
Ro'NH, + RB(OH); == Ry’HNB(OH)R + H.0

R:'NH + RB(OH),

(10)
R,'NH + RB(OH )2

KR!XHl riH +

In the case of tertiary amines, only the equilibria in
eq 10 with constants Ky and Kx are possible.

A spectrophotometric search for these reactions was
undertaken. The spectra of a number of nucleophiles
which absorb strongly in the visible or ultraviolet region
were determined at one pH value in the presence and
absence of a great excess of boric acid, which itself
shows only low end absorption (eso is less than 0.20
M- e¢m~! for potassium borate buffer, 609 base)
(Table III). Also, the spectrum of benzeneboronic
acid alone was compared with its spectrum at the same
pH value in the presence of an excess of each of several
nucleophiles, after subtraction of the spectrum of the
nucleophile alone (Table IIT). With the exception of
the case of hydrazine and benzeneboronic acid at pH
8.35, the spectrum of the absorbing compound in each
case wag not altered significantly by the reagent in ex-
cess during the period of time given in Table III. In
the presence of hydrazine buffer at pH 8.35 the spec-
trum of benzeneboronic acid shows Amex 265 nm, ¢ 370
M- em~!, which is similar to that of benzeneboronic
acid alone, but the spectrum lacks the weaker maxima
at 259 and 272 nm which benzeneboronic acid alone
shows and the molar absorbancy in the 265-300 nm
range is greater. This difference may be due to the
formation of the H,NNHB(OH)Ph species;® however,
we have not investigated this reaction in detail.

Table III includes estimates of the upper limits for
the values of Kx (see eq 9 and 10). These estimates
were made by assuming that the spectrum of the tetra-
hedral adducts would be the same as that of the acidic
species of the nucleophile in the case of the search for
reactions with boric acid and the same as that of the
benzeneboronate anion in the case of the search for re-
actions with benzeneboronic acid.

Upper limits for the equilibrium constants for the
formation of the trigonal species, R’XB(OH)R and
R,/YHN+B(OH)R (eq 9 and 10) ,cannot be estimated
from the spectra in acidic solution because we cannot
estimate the spectral changes which would accompany
the formation of these boron compounds. Although it
seems likely that the spectra of these boron compounds
would differ somewhat from those of the reactants, the
absence of spectral changes is not definitive evidence
for no reaction. It is worth noting that the absence of
spectral changes with the absorbing nucleophiles and
boric acid buffers at alkaline pH shows that significant
amounts of the trigonal species R’XB(OH)R and R,'-
HN+B(OH)R have not formed under these conditions,

(16) M. 8. Bains, Can. J. Chem., 44, 534 (1968).
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TasLe II1

SPECTROPHOTOMETRIC SEARCH FOR REACTIONS BETWEEN NUCLEOPHILES AND BORIC OR BENZENEBORONIC ACID,
IN WATER AT 25° AND 1.0 M IoNIic STRENGTH

Time®
Registry Boron interval, Kyd
no. Nucleophile pK* Conen, M compd, M pH? hr M-t
Boric Acid
62-53-3 Aniline 4.58 103 1.0 9.4 12 0.15
4.6 X 10-° 0.32 1.0 12
108-95-2 Phenol 9.95 3.6 X 10— 1.0 9.50 12 0.8
9.1 x 10~¢ 0.28 1.0 12
100-02-7 p-Nitrophenol 7.14 7 X 10-8 0.30 9.13 24 0.5
7 X 1078 0.20 0.7 45
108-98-5 Benzenethiol 6.5 1.5 X 108 0.30 9.1 1 5.5
1.5 X 10-8 0.20 0.7 0.25
1849-36-1 p-Nitrobenzenethiol 5.1 2.0 X 10~ 0.30 9.1 1 0.7
10494-75-4 2-Methoxyethanethiol 9.5 4 X 104 1.0 9.5 0.057 0.4
75-52-3 Nitromethane 10.3 1.2 X 108 0.50 10.0 0.5¢ 10
Benzeneboronic Acid
109-85-3 2-Methoxyethylamine 9.2 1.0 5.0 X 103 9.08 5
1.0 5.0 X 103 8.68 22 4h
0.90 3.0 X 10~ 1.0
280-57-9 Triethylenediamine 2.9,8.8 0.80 3.0 X 103 8.49 2.2
0.80 1.8 X 108 5.2 0.3
302-01-2 Hydrazine 8.1 0.50 3.0 X 10-8 8.35 i
0.50 3.0 X 108 1.3 0.25
110-91-8 Morpholine 8.3 0.70 3.0 X 10~ 8.58 2.0
0.70 3.0 X 103 1.0
583-58-4 3,4-Lutidine 6.5 0.052 0.0158 7.62 1.6
110-86-1 Pyridine 5.2 0.08 1.1 X 108 5.2 5
753-90-2 2,2,2-Trifluoroethylamine 5.7 0.4 3.3 X 103 5.7 0.5
57-12-5 Cyanide 9.4 1.0 4.8 X 103 8.60 k 1.3
16887-00-6 Chloride 1.0 3.0 X 10— 2. 0.12¢

@ Of conjugate acid; from W. P. Jencks in ‘“Handbook of Biochemistry,” H. A. Sober, Ed., Chemical Rubber Publishing Co., Cleve-
land, Ohio, 1968, pp J150-J189. * Adjusted with KOH or HCl. ¢ Period between preparation of the reaction mixture and the last
recording of its spectrum. Where no time is noted, the spectrum was recorded once about 15 min after preparation of the reaction mix-
ture. ¢ These values for Ky are upper limits. In the case of the boric acid buffers, they have been calculated by use of the equation

Ad(an + Krxs)
(IR’XH]rAe — A4)Krxu/[RB(OH)]

Ky =

where A4 is the difference between the absorbance of the nucleophile in the absence of boric acid buffer and that in the presence of boric
acid buffer, [R’XH]r is the total concentration of the nucleophile in all species, Ae is the difference between the apparent molar absorb-
ancy of the nucleophile at the pH of the reaction mixture and the molar absorbancy of the acidic species alone, Kr.xz is the acid disso-
ciation constant of the nucleophile, and [RB(OH).] is the concentration of boric acid, including polymeric species, in the boric acid
buffer. In the case of benzeneboronic acid, the upper limits for the values of Ky were calculated in a similar manner by use of eq 3 and
4 in the text, except that the coneentration of the basic species of the nucleophile was known from the preparation of the buffer. The
caleulations were made by taking A4 as 0.1, usually at the wavelength where Ae is maximal; in fact, A4 was less than 0.05 except in
the cases which are noted. ¢ The spectra showed A4 at 233 nm, where Ae is 2,800 M~ em ™%, to be about 0.10 (1-cm path length).
This small A4 may be due either to a conversion of about 109, of the phenol to a boron adduct or to an increase in the apparent pK
of phenol by 0.06 log units. 7 The absorbance of the reaction mixtures with and without borate buffer decreased after this time, prob-
ably because of oxidation of the thiol to the disulfide. ¢ The spectrum did not change between 20 and 30 min after preparation of the
solution. Calculation based upon the rate constants for ionization of nitromethane [R. P. Bell and D. M. Goodall, Proc. Roy. Soc., Ser.
A, 294, 273 (1966)] shows that about 10 min is sufficient time for equilibration of the acid and anion. * AA at 267 nm, where the Ae
term of eq 3 is 155 M -1 em~Y, was 0.12 (1-cm light path). ¢ A reaction occurs. See the text. ¢ Ionic strength, 0.53 M. * Cyanide
buffer slowly forms a compound which absorbs at 293 nm. For this reason the reaction mixtures which contained cyanide buffer were
prepared by using stock solutions of KCN and HCI, and the spectra of such mixtures with and without benzeneboronic acid present
were determined at the same time after preparation. ! The reaction mixture without chloride had an ionic strength of 0.002 M.

since such reaction would decrease the total concentra- Comparisons of Reactivities.—The affinities of imid-
tion of the free nucleophile and thus decrease the con-  azole and l-methylimidazole for benzeneboronie acid
centration of the basic species and the absorbance at  are much higher than we would expect on the basis of
wavelengths where the basic species absorbs strongly. the data for other nitrogenous bases given in Table II1

The trigonal species, R,’NB(OH)R, which can form and their affinities for the proton (the pK’s of imidazole
from primary and secondary amines, would also not and 1-methylimidazole are 7.22 and 7.34). Two pos-
have been detected if its spectrum were identical with  sible explanations for this unusual affinity are that a
that of Ry/NH or RB(OH),. Moreover, if a large  positive charge next to tetrahedral boron is unfavorable
fraction of the absorbing compound were undetected  and delocalization of this charge in the imidazole ad-
R./NB(OH)R, then the values of the upper limits for ~ ducts (see 1) is thus relatively stabilizing and/or that
Kx given in Table IIT would be incorrect. there is a strong electrostatic interaction between the
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positively charged imidazolium nucleus and the par-
tially negative phenyl ring in the adducts. In order
to decide between these two possibilities, it will be
necessary to examine the affinities of a series of ni-
trogenous bases for an alkylboronic acid.

Finally, it is interesting to note that our results show
that the affinities of nitrogen, sulfur, and carbon nucleo-
philes for trigonal boron are not much greater than that
of an oxygen nucleophile of the same basicity. This
finding is different from that for a carbonyl carbon, for
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which nitrogen, sulfur, and carbon nucleophiles have a
greater affinity than an oxygen nucleophile of the same
basicity.” Thus, in this sense trigonal boron is more
similar to the proton than to trigonal carbon in its
chemistry.

Registry No.—Boric acid, 10043-35-3; benzene-
boronic acid, 98-80-6; 1-methylimidazole, 616-47-7.
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A direct proton and fluorine-19 nuclear magnetic resonance chemical shift and area study of boron trifiuoride
complexes with acetylacetone, methylacetoacetate, methoxyacetonitrile, methoxypropionitrile, methylmethoxy-

acetate, methoxymethylacetate, 2-methoxyethylacetate, and methylpyruvate has been. completed.

In these

systems ligand exchange is slow enough below —50° to permit the direct observation of pmr signals for bulk

ligand and molecules bound to the boron trifluoride.
cate complete complexing at the methoxy linkage.

and methylacetoacetate involve the enol tautomers of these molecules.
at more than one site in the base is indicated by the 'H and F nmr data.

In the nitrile solutions the 'H and *F nmr spectra indi-
The most stable complexes in solutions of acetylacetone

In the remaining systems, complexing
The competition by each oxygen site

ig influenced by basicity differences, steric hindrance, and resonance.

Studies of boron trihalide complexes with organic
bases have been undertaken by several calorimetric!—*
and spectroscopic®~!! techniques to ascertain the chem-
ical and structural features of the components which
influence these interactions. Recent measurements
have demonstrated the utility of the direct nuclear
magnetic resonance method as a supplementary tool for
these investigations.!?= The success of this method
is based on the ability to slow ligand exchange, thereby
allowing the observation of separate nmr signals for
bulk ligand and ligand bound to the boron trihalide.
When this observation is possible, quantitative mea-
surements of the chemical shifts induced by complex
formation, the stoichiometry of the complex, the ligand
interaction site, steric effects, and ligand preference can
be made. A correlation of these results with those
obtained by other techniques frequently is possible.

The present study involves a series of ligands which

(1) H. C. Brown and R. R. Holmes, J. Amer. Chem. Soc., 18, 2173 (1956).

(2) T. D, Coyle and F. G. A. Stone, 1bid., 83, 4138 (1961).

(3) M. F. Lappert and J. K. 8Smith, J. Chem. Soc., 7102 (1965).

(4) N. N. Greenwood and T. 8. Srivastava, J. Chem. Soc. 4, 267, 270
(1965).

(5) J. M. Miller and M. Onyszchuk, Can. J. Chem., 42, 1518 (1954).

(6) E. Gore and 8. 8. Danyluk, J. Phys. Chem., 69, 89 (1964).

(7?3)M. Okada, K. Suyama, and Y. Yamaghita, Tetrahedron Lett., 2329
(1965).

(8) P. N. Gates, E. J. McLauchlan, and E. F. Mooney, Spectrochim.
Acta, 21, 1445 (1965).

(9) 8.J. Kuhn and J. 8. Melntyre, Can. J. Chem., 48, 375 (1084).

(10) N. N. Greenwood and B. H. Robinson, J. Chem. Soc. A, 511 (19686).

(11) R. J. Gillespie and J. 8. Hartman, Can, J. Chem., 45, 859 (1966).

(12) A. Fratiello, T. P. Onak, and R. E, Schuster, J. Amer. Chem. Soc.,
90, 1194 (1968).

(13) A, Fratiello and R. E. Schuster, Inorg. Chem., T, 1581 (1968).

(14) A. Fratiello and R. E. Schuster, Org, Magn. Resonance, 1, 189 (1969).

(18) A. Fratiello and R. E. Schuster, Inorg. Chem., 8, 480 (1969),

(16) A. Fratiello, R. E. Schuster, and M. Geisel, bid., 11, 11 (1972).

contain more than one possible interaction site, an
oxygen atom in most cases. It was hoped that a
measure of competitive complex formation would be
possible with several of these molecules. If so, the
influence of properties such as molecular complexity,
the relative basic strengths of the functional groups
present, tautomerism, and molecular resonance struc-
tures could be ascertained.

Experimental Section

Methods.—All organic chemicals were of the highest com-
mercial grade available, and they were distilled before use. The
boron trifluoride was fractionated at —110°. The samples were
prepared in vacuo and the nmr tube was sealed and stored in
liquid nitrogen until the spectrum could be recorded. Each
sample contained a few per cent by volume of tetramethyl-
silane (TMS) and hexafluorobenzene for use as internal nmr
chemical shift standards for 1H and ¥F nuclei, respectively.

The chemical shift and area measurements were made with a
Varian HA-100 spectrometer, operating at 94.1 MHz for the **F
experiments. With each sample, the nmr measurements for
each nucleus were repeated at least a day later to ensure that
decomposition had not occurred. This was not a problem with
any system reported here. The procedure has been described in
more detail in previous publications and it involves observing the
nmr spectrum as the sample is cooled in the spectrometer
probe.?=1® Tn most of the systems studied, exchange was slow
enough only at temperatures below —50° to permit the ob-
servation of separate bulk and bound ligand signals.

Results.—A summary of all pmr chemical shift and integration
data is presented in Table I. As mentioned in the table, the
concentrations in all cases were maintained at mole ratios of
1:3:60, BF; to base to dichloromethane. Such dilutions were
used to avoid intermolecular interactions between ligand mole-
cules. Thus, the chemical shift separations between bound and
bulk ligand molecules, represented by the quantity Av(C — B) in
Table I, are an accurate measure of the effect of complex forma-
tion by BF; with these bases.



