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The hydrolysis of sodium tetrahydroborate (NaBH,)
has been investigated, and a kinetic scheme which con-
sists of a series of two pseudo-first-order reactions
was used to interpret the data. The concentration of
the BH,~ has been followed by measurement of the dif-
Sfusion current of its anodic polarographic wave with
E.,, = —0.15v. vs. s.c.e., and the concentration of an in-
termediate in the process has been measured by the
polarographic wave at E.;, = —0.64 v. vs. s.ce. The
reaction, both steps of which are subject to general acid
catalysis, has been studied in the pH range 9.1-10.2
in ammonia, ammonium jon, and carbonate-bicarbonate
buffer solutions. When constants for the reaction,

BH,~ B intermediate & products, are defined thus:
—d In [BH,~ )/dt = ki’ = ZkygalHA;), and d [inter-
mediatel/dt = ki'[BH:) — ky'lintermediate], ki =
Zkoga[HA), the following specific rate constants
Jor w= 0.5 at 25° can be reported (in I. mole=! sec.™1):
kl.HCOa‘ = 13 =03 X ]0_3,' kl.NHN‘ =29 =05
X 1074 kimo- = 6.0 £ 03 X 10% kipgo ~
1077, kypco,- = 2.2 £ 0.3 X 1071, kyyg,- = 4.7
%= 0.3 X 10-%; k2'H50+ ~ 107; le?O ~ 103, The
temperature coefficients of specific rate constants indi-
cate the following Arrhenius activation energies for
reactions of BH,~ with HCO,~, NH*, and H,07, re-
spectively: 13 = 3, 23 = 2, 11 = 1 kcal. mole~ 1,
Similarly, for the intermediate, values of 9 = 1, 16 = 4,
and 12 = 8 kcal. mole=! were obtained. Variation of
ionic strength altered the specific rate constants in a way
consistent with a negatively charged intermediate,
which, together with B! n.m.r. spectra indicating the
presence of the —-BH, group, suggested BH;OH~ as the
formula of the intermediate.

Introduction

The hydrolysis of sodium tetrahydroborate, (sodium
hydroborate, sodium borohydride, NaBH.,), according
to reaction 1, has been studied by investigators®—¢

BH,~ + 2H;0 = BO;~ + 4H,O 1)

who early showed the importance of pH on the rate of
reaction. More recently, it has been shown that the
reaction is subject to general acid catalysis and that
a pseudo-first-order rate law describes the disappear-
ance of the reducing power of a well-buffered sodium
hydroborate solution.”
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At the dropping mercury electrode (d.m.e.), sodium
hydroborate solutions yield a well-defined anodic polar-
ographic wave at an E., of —0.15 v. vs. s.ce. The
height of this wave is proportional to the concentration
of hydroborate ion; by means of this wave, the rate of
disappearance of hydroborate in a hydrolyzing solution
rather than the total reducing power of the solution has
been determined.!! A hydrolyzing solution of sodium
hydroborate also exhibits another, smaller polaro-
graphic wave at Ei, of —0.64 v. vs. s.c.e.!? It has
already been suggested!? that this second wave arises
from the electrooxidation of a species which is an
intermediate in the hydrolysis, because ‘the wave is
larger as the pH of the solution is decreased and its
height decreases as the hydrolysis proceeds. We have
postulated that the height of this smaller polarographic
wave is proportional to the concentration of the
intermediate in the hydrolysis mixture and have re-
investigated the kinetics of the hydrolysis as a step-
wise process. Experiments directed toward identifying
the intermediate have been reported earlier!¢; this
article will be concerned with the rates of its formation
and decomposition.

Experimental

Reagents. Sodium tetrahydroborate (98 %) was used
as supplied by Metal Hydrides, Inc. (Beverly, Mass.).
A sample of this material, purified by extraction with
liquid ammonia, was found to give the same polaro-
graphic results as the starting material; thenceforth the
commercial material was used directly. Constituents
of buffer solutions and the KCI used to adjust ionic
strength were commercially available reagents. Car-
bonate-bicarbonate buffer solutions were prepared by
dissolving weighed amounts of the sodium salts;
ammonia buffers were prepared by mixing weighed
amounts of ammonium chloride with measured volumes
of standard KOH or NaOH. The pH values of buffer
solutions were measured by means of a Beckman
Model G pH meter, which was standardized by 0.01
M sodium borate solution. For lack of activity coef-
ficient data at high ionic strengths, concentrations of
hydrogen ion have been calculated from pH values
under the assumption of unit activity coefficient.

Polarography. Conventional polarographic tech-
niques were used for measuring anodic diffusion currents
at —0.01 v. vs. s.c.e. and —0.5 v. vs. s.c.e., which were
proportional, respectively, to the concentrations of
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Figure 1. Polarogram of NaBH, in an NH,OH-NH,* buffer solu-
tionof pH 9.11. [BH, ], = 0.0015 M, 0.0334 M NH,*, 0.0167 M
NH.OH, 0.150 M KC1. The time after mixing was 35 min.
A and A’, residual current curves; B and B’, after adding NaBH,.
Inset shows wave at —0.64 v., magnified (u = 0.20, 25.0°, m*/ss'/s
= 2.43 mg."/s sec.”'/2),

BH,~ and the intermediate. A Leeds and Northrup
Electrochemograph, Type E was used in conjunction
with an H-cell of about 75-ml. capacity. A glass
electrode was inserted in the stopper of the cell to make
possible pH measurements at any time during the
hydrolysis. Two polarographic capillaries were used;
their open circuit characteristics were 1.71 and 2.43
mg.”* sec.” "/

A typical kinetic experiment was begun by stand-
ardizing the glass electrode with borate buffer. Then
55 ml. of the buffer to be used was added; it was
purged with pure nitrogen and allowed to reach temper-
ature equilibrium. The pH was noted and a weighed
amount of solid sodium hydroborate on a small watch
glass was added quickly. The solid dissolved and dis-
persed, with the help of agitation by nitrogen bubbles,
within 10 sec. at the most. A stopwatch was started
when the solid was added. The d.m.e. was inserted
into the cell and, for the brief periods when diffusion
currents were measured, the nitrogen stream was
diverted over the solution.

Because the intermediate was never present in a
hydrolyzing solution to an extent greater than a few
per cent of the initial hydroborate ion concentration,
it would have been inconvenient to measure diffusion
currents due to hydroborate ion and those due to the
intermediate on the same sample solution. Thus, when
it was desired to measure the disappearance of hydro-
borate ion, approximately 0.002 M NaBH, solutions
were used. The applied voltage interval —0.4 to 0.0
v. vs. s.c.e. was scanned, and the limiting current at
—0.01 v. was measured. The correction for residual
current and the small current due to the intermediate,
never more than 397 of the limiting current, was ob-
tained by extrapolating the nearly linear current
between —0.4 and —0.2 v. The diffusion current at
—0.01 v., igu,-, was the difference between the limit-
ing current and this correction term. For studies of
the intermediate the initial concentration of sodium
hydroborate was 0.005 to 0.020 M. Larger concentra-

Time, min.

Figure 2. Plot of log iBu,- vs. time for a HCO;—CO;2~ buffer
solution of pH 9.39. [BH,], = 0.0015 M. Bicarbonate ion
concentrations in runs A, B, C, and D were, respectively, 0.1, 0.2,
0.3, and 0.4 M (m*/3"/s = 2.43 mg.*/s sec.”"/2, 25.0°, u = 1.00).

tions could not be used because the amount of hydro-
gen evolved in such solutions interfered with current
measurement at the d.m.e. Limiting currents at —0.5
v. were measured as a function of time after mixing with-
out scanning the entire voltage range of the polaro-
gram. These currents were corrected for the (cathodic)
residual current of 0.04 to 0.09 ma. at —0.5 v., and
the corrected current was called ;. The time inter-
vals between measurements were 2 to 5 min., depending
on the rate of reaction, and each measurement required
about 0.5 min.

The temperature was controlled to +£0.1°. Current
measurements at —0.01 v. are believed to be accurate
within =297, while those at —0.5 v. may have an
uncertainty of =5%,. Time measurements were ac-
curate to about =35 sec., i.e., the approximate drop
time of the capillary.

Standard deviations, ¢, were calculated from the ex-
pression ¢ = [Z(x; — m)2/(N — 1)]2, where x; — m
represents the deviation from the mean of an individual
run and N is the number of runs.

Results

Rate Constants from Polarographic Currents. Fig-
ure | shows a typical polarogram for a hydrolyzing
solution of sodium hydroborate. This polarogram
shows only two waves; the larger at an E./, of —0.15 v.
stems from the oxidation of hydroborate ion; the
smaller, at an E.;, of —0.64 v,, from the oxidation of
the postulated intermediate.

Figure 2 shows the logarithmic plot of igg,- vs.
time. Figure 3 shows the time dependence of ij, the
current at —0.5 v. caused by the oxidation of the in-
termediate. In each buffer solution studied, log igy,-
showed a linear time dependence, and i; increased from
zero through a maximum and then decayed. A similar
time dependence of this diffusion current has been
reported by Mochalov and Gil’manshin.®® This be-
havior is characteristic of a system where the concen-
tration of B is initially zero and the reactions are first
order, 18

k1 ks
A—>B—>

(15) A. A. Frost and R. G. Pearson, “Kinetics and Mechanism," 2nd
Ed., John Wiley and Sons, Inc., New York, N. Y., 1961,
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Figure 3. Plot of i vs. time for an NH,OH-NH,* buffer solution
of pH 9.11, » = 0.20. [BH,], = 0.0050 M. Ammonium fon
concentrations in runs A, B, C, and D were, respectively, 0.0334,
0.0668, 0.1022, and 0.1334 M (25°). Arrows indicate fm.x pre-
dicted by use of eq. 8, with Ry = 22.7 pa. l. mmole=!.

It has been shown? that the disappearance of hydro-
borate ion follows the rate law

__d[BH]
dr

By controlling the pH and by employing a large excess
of the acidic component of the buffer, the disappearance
of hydroborate ion appears to be first order. To
distinguish the first stage of the hydrolysis we define
a pseudo-first-order rate constant k,’

_dIn [BH]
dr

Thus hydroborate ion corresponds to A in the above
general scheme. Because of the time dependence of i,
we have postulated that the formation of the inter-
mediate depends on the first-order reaction of hydro-
borate ion and its disappearance depends on a reaction
which is first order in intermediate. Thus, the inter-
mediate, I, corresponds to B in the general scheme.
We define k,’ for the second stage of the hydrolysis
thus

= [BH]ZkualHA] @

=k' = Zkl.HA([HAi] (3)

dll _ e — &
Frile ki'[BHs] — k(1] (42)

ke’ = Zk,ualHAJ] (4b)

General acid catalysis was found to be extremely im-
portant in this step.

The instantaneous concentrations of hydroborate
and I, [BH,~], and [I] are given by the relations

[BH4_] = [BH4_]o€_kﬂ (Sa)

[BH4 ]o

] = (e — ™) (5b)

where [BH,~], indicates the initial concentration of
BH.—, « = ky'/ki’, 7 = k;'t, and the initial concentration
of Bis 0. If 7,,, designates the time when [I] =
(Hmax

|

T max 1 In « (5¢)
Experimentally measured currents can be related to con-
centrations by the following relations

iga,- = Rpnr,[BH/7] (6a)
i1 = Ry} (6b)

where Rgy,- and R; are constants for a given tempera-
ture and polarographic capillary. Equation 6a has
been experimentally verified by Pecsok!! and by us for
the case of buffered solutions. Equation 6b was
originally simply assumed to be true; later evidence
showed that this assumption was valid. Equation 5
can be rewritten

ipu,- = Rpn,- [BHi Joe™"" @)

e — &) ®

A plot of log igp,- vs. time yielded a slope from which
ki’ could be derived by multiplying by —2.303. There-
fore, k' was determined in a procedure which made
no assumption about the mechanism of the reaction.
Figure 2 is an example of the plots from which values of
k.’ were derived.

For a given buffer solution, eq. 5c¢ permits a cal-
culation of k,’ from a measurement of g, and the
previously determined value of k,’ for the particular
buffer solution. Equation 8 can then be solved for
Ry, which, if determined accurately once and for all,
makes possible an alternative calculation of k,’ in
other experiments by use of eq. 8. The procedure
for determining R; was as follows. The experimentally
obtained value of k,’ was introduced into eq. 8 with
iy data for several values of ¢ > fm.x, and Ry values so
derived were averaged. This value of R; was applied
with data from an entirely different experiment to
arrive at a value of k,’ which, substituted in eq. 3c,
yielded a predicted ... for thls second experlment
A comparison of this 7,,, with that found in the experi-
ment was used to judge the quality of the k,’. The con-
sistency of Ry for a number of experiments supports
the assumption of eq. 6b. Figure 3 shows how pre-
dicted tm.c values calculated from an R; originally
determined in a bicarbonate-carbonate buffer solution
agree with experimental results from an ammonia-
ammonium ion buffer system. The value of R; was
18.5, 22.7, and 26.3 pa. . mmole~! at 15, 25, and 35°,
respectlvely, with a capillary whose m¥s/ value was
2.43 mg.”* sec.=". These values of R; have been
used for all experiments reported. The accuracy of the
rate constants depends on the value of R;. In some
experiments (see Figure 3), rate constants can be cal-
culated from eq. 5c without use of R;. In these cases
the results agree well with calculations made with the
above values of R; substituted into eq. 8. Rp was
obtained in a procedure, the precision of which is dif-
ficult to estimate; however, we believe these values are
accurateto =5%.
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Table I. 4’ and k;’ for Bicarbonate-Carbonate Buffer Solutions®
[HCOa_].b k1, X k2, X
M 104, sec.~! 103,%ec.~!
pH 9.63, u = 0.20, [Coz2 1 = 0.5[HCO;]
0.020 7.99
0.040 2. 19 14.0
0.060 2.42 19.1
0.080 2.63 24.5
pH 10.23, u = 0.20, [CO;%] = 2[HCO;7]
0.0072 0.540 2.8
0.0144 0.605 3.96
0.0216 0.680 5.68
0.0287 0.744 7.08
uw =05 ( see Figures 4 and 5)
pH 9.39, u = 1.00, [coa2 1 = 0.5[HCO;7]
0.100 28.5
0.200 4.93 51.8
0.300 6.49 73.3
0.400 8.16 95.7
pH 10.00, p = 1.00, [CO;*"] = 2[HCO;7]
0.0357 0.919 9.68
0.0714 1.33 18.3
0.107 1.77 26.9
0.143 2.20 35.4
pH 9.61, » = 0.50, 15° ,[COs*] = 0.5[HCO;]
0.0400 1.04 7.43
0.200 2.11 28.6
pH 10.20, u = 0.50, 15°, [CO;?7] = 2[HCO;]
0.0143 0.306 2.20
0.0714 0.600 9.31
pH 9.42, 1 = 0.50, 35°, [CO;*] = 0.5[HCO;7]
0.0400 5.07 21.7
0.200 9.85 80.1
pH 10.02, p = 0.50; 35°, [CO;*7] = 2[HCO;7]
0.0143 1.41 6.66
0.0714 2.70 26.1

a At 25° except where noted.
sodium salts.

b Calculated from weights of the

Tables I and II present the results of experiments in
bicarbonate—carbonate and ammonium ion-ammonia
buffer solutions, respectively. It may be noted that
exact duplicate runs under identical conditions were
seldom made. Instead, the precision of a specific
rate constant, ki s, was determined by the agreement
between slopes of k;’ vs. [HA] plots for various pH
values. This procedure, which would surely reveal
any seriously discordant data, also provided necessary
additional data. The current-time data from which the
rate constants have been derived are available.!®
Figures 4-7 show some of these results graphically.
The type of plot illustrated in these figures was con-
structed for all the entries of Tables I and II for the
purpose of deriving specific rate constants and
Kintercept Values. Tables III and IV show the results of
this graphical procedure for the carbonate, bicarbonate
and ammonia, and ammonium ion systems, respectively.

Additional experiments have been performed to
determine the effect of [BH,~), on i; and 7,,. At pH
10.10, it was found that .., was independent of
[BH, 7], when the latter was varied from 0.01 to 0.04 M,
and i1 was proportional to [BH4o. At pH 9.75, fpax
was constant for a variation of [BH}, from 0.005 to 0.05
M, however, because of copious hydrogen evolution, i;
increased by about 15-fold. Furthermore, for certain
experiments listed in Table II (u = 1.0, pH 9.21), k,’
was derived from i; data and eq. 8 by plotting log i

(16) J. A. Gardiner, Ph.D. Dissertation, The Ohio State University,
1964.
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Table I. 4" and k;’ for Ammonium Ion-Ammonia
Buffer Solutions®
[NH.*2 ki’ X ks’ X
M 104, sec.™! 102, sec.—!
pH9.11, u = 0.20, [NHgOH] 0. 5[NH.*]
0.0334 5.77 8.47
0.0668 6.03 11.5
0.100 6.22 15.2
0.1334 6.42 17.1
pH 9.40, 4 = O. 20 [NHgOH] [NH*]
0.025 5.83
0.050 3. 13 8.09
0.075 3.18 9.79
0.100 3.32 12.5
= 0.5 (see Figures 6 and 7)
pH 9.21, 4 = 1.00, [NH,OH] = 0.5[NH.*]
0.1667 3.56 10.2
0.333 3.92 16.0
0.500 4.38 22.7
0.6667 4.81 30.3
pH 9.51, » = 1.00, [NH.OH] = [NH,*]
0.125 1.99 9.24
0.250 2.24 15.1
0.375 2.54 20.1
0.500 2.81 24.5
pH 9.47, u = 0.5, 15°, [NH,OH] = 0.5[NH.*]
0.0834 1 22 4.00
0.333 1.46 8.55
pH 9.77, u = 0.5. 15°, [NH.OH] = [NH.*]
0.0625 0.662 2.79
0.2500 0.792 5.32
pH 8.86, u = 0.5, 35°, [NH,OH] = 0.5[NH,*]
0.0834 16.3 44.3
0.333 19.1 64.1
pH 9.17, u = 0.5, 35°, [NH,OH] = [NH,"]
0.0625 8.28 21.4
0.2500 10.4 42.6

s At 25° except where noted.
NH.C! and NaOH.

b Calculated from weights of

vs. ¢ for ¢ > tmay, under which condition only the first
term of eq. 8 is important. These k,’ values agreed
to better than 99 with those derived from ipy,-
data and eq. 7. These results confirm the validity of

w
i

k' X 104, sec.” 1.

0 0.1 0.2
[HCOs"], mole/l.

Figure 4. Plot of k' vs. concentration of HCO;~ (25°, u = 0.5).
pH values for a, b, ¢, and d were, respectively, 9.26, 9.50, 9.80, and
10.11. The ratios [CO;*)/[HCO;7] for a, b, ¢, and d were,
respectively, !/4, Y2, 1, and 2.

the stepwise kinetic scheme and the assumption of
proportionality of i; with concentration of inter-
mediate.
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Table ITII.  Values of kl,imercept, kz.interceph kl-HCOx T and kZ-HCO.v -4
kl.imercept kZ,intercept
X 104, X 108, ki.gco.- X 103, ka,mcos- X 10,
pH " sec.”! sec.—! M~1sec.”! M-1tsec.”!
9.63 0.20 1.68 2.731
5 1.1x0.2 2.4+05
10.23 0.20 0.47 1.224
9.26 0.50 3.45 7.37
9.50 0.50 2.03 1.40
1.3+0.3 2.2+0.3
9.80 0.50 0.93 1.80
10. 11 0.50 0.555 0.92
9.39 1.00 1.71 6.551
1.4+0.3 2.3+0.1
10.00 1.00 0.49 1.134
9.61° 0.50 0.77 2.15]
! 0.6=0.1 1.3=0.1
10.20¢ 0.50 0.23 0.41!
9.424 0.50 3.87 7.10%
5 2.6 0.5 3.5+0.2
10.024 0.50 1.09 1.80]
a At 25° except where noted. * Rate constants with estimated ¢. ¢ 15° 4 35°,

Diffusion control of i; was indicated by the effect
of mercury pressure on this current.”” A hydrolyzing
bicarbonate buffer solution of sodium hydroborate at
25° was studied, and currents were measured as a func-
tion of height 4 of the mercury reservoir. The experi-

40

w
(=)

ke’ X 103, sec.” L.
%)
=3

0.2

0.1
[HCOs7], mole/l.

Figure 5. Plot of &’ vs. concentration of HCO;~ (25°, u = 0.5).
pH values for a, b, ¢, and d were, respectively, 9.26, 9.50, 9.80, and
10.11. The ratios [CO;*")/[HCO;] for a, b, ¢, and d were /s, /s,
1, and 2.

ment was performed at a time greater than 7.,,, and
it was shown that hydrolysis affected the currents only
slightly during the time the data were taken. i varied
with A% in satisfactory agreement with A%, which
is the predicted dependence. Moreover, the tempera-

(17) P. Zuman in “Advances in Analytical Chemistry and Instru.
mentation,’ Vol. 2, C. N. Reilley, Ed., Interscience Publishers, Inc., New
York, N. Y., 1963, p. 225 ff.
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ture coefficient of Ry at 25° of 1.9% per degree is of
the correct magnitude for a diffusion-controlled current.
This is independent support for the assumption of eq.
6b, since diffusion currents are proportional to con-
centration of depolarizer.

|

ki’ X 104, sec™ 1,
N (#%)
T

0.1 0.2 0.3 0.4
[NH4*), mole/l.
Figure 6. Plot of ki’ vs. concentration of NH4* (25°, u = 0.5).
pH values for a, b, and c were, respectively, 9.16, 9.29, and 9.44,

The ratios [NH,OH]/[NH.*] for a, b, and ¢ were, respectively,
1/2, 2/3, and 1.

Derivation of Specific Rate Constants.
constants were derived from the relations

Specific rate

ki" = kiua[HA] + Ky mio-[HsO%] + k1 mo[H:O] (9a)
and
ke’ = ko ua[HA] + ko 1,0+ [Hs0%] + ko mo[H:0] (9b)

where HA indicates the acidic component of the buffer
solution, which was bicarbonate ion and ammonium
ion in the two cases reported herein.

The slope of a plot of k’ vs. [HA], at constant pH
and [H;0), yields kg, directly. Figures 4-7 show
such graphs for bicarborate and ammonium ion general
acids. The extrapolation of these plots to [HA] = 0

Journal of the American Chemical Society | 87:8 | April 20, 1965



Table IV- Values Of kl,imerceph kz,imerceph kl:NHU’» and kZ.NHA'a

kl,imercept kZ.imercept kiwm k2-NH4+
X 104, X 108, X 104, X 102,
pH " sec.”! sec.”! M- sec.”! M—1sec.—!
9.11 0.20 5.58 5.68
5 =2 8.7x0.1
9.40 0.20 2.90 3.64
9.16 0.50 4.16 4.34
9.29 0.50 3.20 5.23 2.9+0.5 4.7+0.3
9.44 0.50 2.32 4.61
9.21 1.00 3.11 3.10
2.4 0.2 4.1 =0.1
9.51 1.00 1.71 4.51
9.47¢ 0.50 1.14 2.48
0.8x0.2 1.6 0.3
9.77¢ 0.50 0.62 1.95
8.869 0.50 15.4 37.7
11.1 &+ 0.1 10 =2
9.174 0.50 7.59 14.3
o At 25° except where noted. ? Rate constants with estimated . ©15°. 4 35°,

defines Kiptercept, Which is used to evaluate ky,o- by
means of the relation

kintercept = kHaO*[H3o+] + kHzO[H2O] (10)

Thus, kintercept plotted vs. [H30*] should yield a straight
line whose slope is ky,0+ and whose intercept is ku,o:
[H;O). Figure 8, which is a plot of kintercept ¥s. [HaO7]
for B = 0.5, illustrates how kl,HgO*; k2'H'O+, kl,HzO,
and k; m,0 were obtained. The excellent fit of Ky intercept
data to a straight line is characteristic of plots of these
data under all conditions, as is the poorer fit of ks jntercept

20
s
3
2
X 10
£

) I 1 ] 1 | L
0.1 0.2 0.3 0.4
[NH:*], mole/l,
Figure 7. Plot of k.’ vs. concentration of NH.* (25°, u = 0.5).

pH values for a, b, and c were, respectively, 9.16, 9.29, and 9.44.
The ratios [NH.OH]/[NH,*] for a, b, and ¢ were, respectively,
/s, ?/5, and 1.

data. A notable exception to the latter generalization
is the excellent fit of Kyjntercept data at u = 0.2.  kg,o
values, read from the intercepts of graphs such as
Figure 8, were the most uncertain of the specific rate
constants, and are regarded as order of magnitude es-
timates.

It must be recognized that eq. 9 should include
terms for general acid catalysis by boric acid, since
boric acid is the final product of the hydrolysis reaction.
We have tried to conduct experiments in such a way
that reaction with boric acid is slight in comparison
with the other acids, and we have neglected this term
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in evaluating specific rate constants. In cases where
the buffer capacity of the solution was low, for ex-
ample in the most unfavorable case shown in Table I
(pH 10.23, p = 0.2, [HCO;] = 0.0072 M, where
[BH . )o was 0.020 M for measurement of k,’), the con-
centration of boric acid produced by complete reaction
would have been considerable in comparison with the
concentration of bicarbonate ion, and the significant
loss of bicarbonate would have vitiated the assumption
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Figure 8. Plots of Ki.peroeps 800 Kouinierasps ¥5. [HsO?] (u = 0.5,
25°). Solid line, Ai.inereepe data; O, from HCO,~ solutions; [J,
from NH,* solutions. Broken lines: limits for K inerep data;
A, from HCO;~ solutions; ¥, from NH,* solutions.

of constancy needed for evaluating k,’. In this buffer
solution 1./, for hydroborate ion was 214 min., and
i1 was at its maximum value at 24 min. i; was measured
for 60 min., during which time only about 18 % of the
original hydroborate had been consumed. During this
period, therefore, we have assumed that the buffer ca-
pacity of the solution was adequate. More generally,
when k,’ was sought, iy was measured until 40-60% of
the original hydroborate ion was consumed. When k;’
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Table V. Specific Rate Constants®

Constant u =02 u =075 u =10
ki m005~ 1.1 £0.2 X 10-3 1.3£0.3 X103 1.4x0.3 X 108
kinmet 52X 10 2.9+0.5X 10* 2.4x+0.2X 10
kim0 7.2+0.2X 105 6.0+ 0.3 %X 108 4.9 +0.6 X 108
ki H:0 6 X 10°# 1 X 1077 4 X 10—
ke, 5C0s - 2.4+0.5X 10! 2.2+0.3X 10! 2.3+£0.1 X 10!
koxmE~ 8.7x0.1 X 10 4.7 +£0.3 X 10?2 4.1 x01X 102
ke Hs0+ 6 =2 X 10¢ 8 = 3 X 108 4 £ 9 X 108
k3,120 2 X 1078 8 X 10-¢ 4 X 1078
¢ Inl. mole~!sec.”!, at 25°, with estimated o.

Table VI. Specific Rate Constants®
Constant 15.0° 25.0° 35.0°
ki.1c02 - 0.6x0.1X103 1.3£0.3X 108 2.6 0.5 X103
ki N+ 0.8+0.2X 10+ 2.9+0.5 X 10¢ 11.1 £0.1 X 10¢
ki 130" 33+£0.2 X108 6.0=x0.3 X 108 11.3 £ 0.9 X 10¢
k1,10 3 X 1078 1 X 1077 Negative
k2. HCO8- 1.3£0.1 X 10! 2.2+£0.3x 10! 3.5+0.2 X 107!
ko NHL~ 1.6 0.3 X 102 4.7+0.3 X 102 10 £ 2 X 1072
ks, Hi0+ 7+ 3 X108 8 £ 3 X 108 28 =11 X 108
k2, m0 5 X 10°¢ 8 X 10-¢ Negative

@ Inl. mole—! sec.~ !, u = 0.5, with estimated o.

was determined, ipy,- was measured until 9097 or more
of the original hydroborate ion had disappeared.

Values of ky,o+ and ky,o which are shown in Tables
V and VI are the result of combinations of rate constants
obtained in two different buffer media. The results
have been grouped in these tables to emphasize the
effects of temperature and ionic strength on the two
rate-limiting steps of the reaction. The precision of
the specific rate constants varies widely. In general,
the extent to which a given acidic species reacts with
the substrate governs the precision of the specific
rate constant. Thus, in an ammonia buffer of pH
9.1, and 0.04 M NH,*, the hydronium ion term in the
rate expression is about thirty times the ammonium
ion term. This yields precise values of Kijntercept
and good precision for kjm,o-, while the uncertainty
in slope of the plot of k; vs. concentration of ammonium
ion leads to a less precise value of k;yg,-. In the
second step, on the other hand, the intermediate reacts
with ammonium ion more extensively than with
hydronium ion, and the precision of ks ng,+ is superior
to that of ks m,0+

Table VII. Arrhenius Activation Energies®

E.,

Reaction kcal. mole—!

BH,~ —+ HCO,;~ 13
BH,~ + NH.*+ 23
BH4_ —+ H30+ 11
Intermediate + HCO,;~ 9
6
2

Intermediate + NH,*
Intermediate + H;Ot

ey =0.5.

HHH 1
00 B — = N W

Activation energies, determined from Arrhenius
plots of the data of Table V, are shown in Table VII.
The value of 11 = 1 kcal. mole—! for the reaction between
BH,~ and H;O is in fair agreement with values of 9.1

reported by Pecsok,!! 7.2 reported by Freund,®* 9 = 1
reported by Stockmayer, et al.,® and 7.7 reported by
Jolly and Mesmer.?® Other activation energies are not
available for comparison, although Stockmayer, ef al.,
predicted a value of 20 kcal. mole~! for the reaction of
BH,~ with NH*.

Discussion

Much previous work on the kinetics of the hydrolysis
of sodium hydroborate has depended on the iodate
volumetric method?!® for the analysis of hydroborate
remaining in solution. Thus, the disappearance of re-
ducing power of the solution has been equated with the
disappearance of hydroborate ion. This procedure in-
cludes any intermediates in the process in the total
reducing power determination and is incapable of dis-
cerning individual steps in a hydrolysis when the total
concentration of intermediate is less than a few per
cent of the hydroborate concentration. The polaro-
graphic rate determination of Pecsok !! employed the hy-
droborate wave (£, = —0.15 v. vs. s.c.e.) and thereby
yielded a true rate of disappearance of hydroborate ion.
Although Pecsok did not state how diffusion currents
were measured in the rate work, our experience with the
small intermediate wave indicates that by ignoring it
only a few per cent error would be introduced into the
diffusion currents measured by Pecsok. Measurement
of the polarographic diffusion current for hydroborate
ion alone yields, therefore, kinetics very similar to
those obtained through the iodate determination of re-
ducing power.

The present work, by using the polarographic dif-
fusion current of the postulated intermediate, intro-
duces into the kinetic scheme information about another
step of.the over-all process. Two facts about this
should be emphasized. First, the identity of the in-
termediate is not of any importance in determining the

(18) T. Freund, J. Inorg. Nucl. Chem., 9, 246 (1959).
(19) D. A. Lyttle, E. H. Jensen, and W. A, Struck, Anal. Chem., 24,
1843 (1952).
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Table VIII. Reported Rate Constants®

Rate Temp., Analytical
constant M~1sec! °C. I method Ref.
kaso+ 2.0+0.2 X 108 0 0.16 Iodate 9
1.45 X 108 15 .10 Polarog. 11
0.57 £0.02 X 10¢ 15 Iodate 6
2.50 X 108 25 0.10 Polarog. 11
1.00 = 0.04 X 10¢ 25 0.10 lodate 8
81X 10¢ 25 0.16 Iodate 9
1.0 X 10¢ 25 0.16 Iodate 18
2.30 = 0.07 x 108 25 0.0 Todate 8
1.6 X 108 25 1.0 lodate 10
1.22+0.03 X 10¢ 25 Iodate 6
0.77¢ 24-28 3.7-9.3 Gasomet. 4
4.00 X 10 35 0.10 Polarog. 11
2.62 £ 0.05 X 10¢ 35 Iodate 6
kaco,- 9+4X 1078 25 0.10 Todate 7
knaa- 1.5£0.4X 103 25 0.16 Iodate 9
ku.0 2 X 10-° 25 0.104 Todate 8
1.2X10°° 25 1.0 Todate 10
ku;pos- 14X 1072 25 0.10 Todate 7
ku;B0s 2.3+£0.2X 10+ 0 0.16 lodate 9
2.0x0.3X 10 25 0.16 lodate 9
8 +4 X104 25 0.20 lodate 8
1+£5X 10 25 0.50 Todate 8

a Rate expression: —d In [BH,7]/dr = Z kua[HA;]. ° Extrapolated. ¢ This contant was determined in a H,SO, medium, where the

s
hydrolysis process may not be comparable to that in alkaline buffer solutions.  See also ref. 7 for a discussion of the effect of the rate of

establishment of hydrogen solubility equilibrium on this constant.

kinetics. Secondly, the addition of another rate-lim-
iting step to the kinetics does not imply that there are
not further steps before borate is formed; k. refers to
the disappearance of the intermediate, not to the
appearance of borate ion. Even at very high initial
concentrations -of hydroborate, however, no more
than one polarographic wave attributable to an inter-
mediate was found in this system. Presumably any
more extensively hydrolyzed intermediates present
existed for such a brief duration that our method of
analysis could not detect them. Moreover, the kinetic
scheme does not require that the intermediate be
formed in a single step from hydroborate, but only
that there be only one rate-limiting step in its forma-
tion.

The rate constants for the stepwise hydrolysis can,
in principle, be determined without a knowledge of
concentrations, or in this case without knowledge of
the constants, R, of eq. 6. It has been advantageous
to determine R; from the kinetic data for use in cal-
culating k.’ for the following reasons. Use of a single
value of R; for all experiments eliminates bias in the
estimation of f4,, which in experiments where it is
small (2 min.) is difficult anyway. Furthermore,
the correlation of many data from experiments of
differing pH, ionic strength, and general acid, by
means of a single value of Ry, lends support to the as-
sumptions of the kinetic scheme. While R; is a polaro-
graphic constant ordinarily determined by calibration
with solutions of known concentrations, it should be
emphasized that in this work it has been evaluated
from kinetics and the assumption that /i is propor-
tional to [I]. No assumption has been made about
the polarographic »n value or the value of the diffusion
coefficient D of the intermediate. The product nD"
is calculable from R; and the Ilkovic equation.

Comparison of Kinetic Results. ks values derived
in this work can be compared to results of other workers,
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4 Estimated.

even though those results were obtained without
allowance for the presence of an intermediate. This
situation arises because the intermediate is never
present to an extent greater than a few per cent of the
hydroborate, and this uncertainty in instantaneous
values of hydroborate concentration introduces negligi-
ble error into measured values of k,’. The results of
previous workers are collected in Table VIII for
comparison with the results of the present study
(Tables V and VI). For experiments at similar ionic
strengths, k;y,0+ values are in excellent agreement.
It must be noted that our result for k; yco,- is about
10 times larger than kyco,- reported by Davis and
Swain,” and our value of kjyu,+ is about one-third
that of Stockmayer, er al.® Even after extrapolating
to the same ionic strengths and allowing for the large
uncertainties in some of these rate constants, these
large unexplained discrepancies remain. The agree-
ment on ky,, among the various workers must be
considered fortuitous in view of the highly derived na-
ture of this constant.

The degree to which the H-A bond is broken in the
transition state of the hydroborate-general acid reac-
tion has been discussed by Davis, et al.,® Stockmayer,
et al.,? and Jolly and Mesmer®® by means of the Brensted
catalysis law. The data of Table VII confirm the con-
clusion of these authors that the Brensted «-value is
nearly unity and, thus, that the HA bond of the attack-
ing acid is almost completely broken in the transition
state. For the second step of the hydrolysis, a similar
conclusion is reached by evaluating o from kynu,-
and k. m,o in the relation & = d log k/d log K where
k is the specific rate constant for reaction with an
acid whose dissociation constant is K. Values of
about 0.9 are obtained for these cases, in close analogy
to the results for k;.

The Intermediate. The identity of the intermediate,
while not needed for the calculation of rate constants
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by the methods of this work, is of interest in under-
standing the chemistry of hydroborate ion. The most
straightforward inference from the stepwise kinetics
shown herein is that the intermediate is a -BH, con-
taining species, i.e., one formed through the loss of one
hydridic hydrogen from hydroborate. Postulation of a
-BH; or a -BH containing entity would require one or
more fast steps in addition to the rate-limiting step
in the hydrolysis of hydroborate before the proposed
intermediate was reached. Moreover, we have re-
ported!* the n.m.r. spectrum of a species which occurs
in solutions which also show the polarographic wave
at £., of —0.64 and is undoubtedly due to the postu-
lated intermediate. This spectrum indicates that
the intermediate contains the —-BH; group. Results of
electrolytic experiments, which support this conclu-
sion, will also be reported. The purely kinetic data of
Table V, however, permit a tentative conclusion about
the formula of the intermediate.

The Bronsted—Christiansen~Scatchard equation!® pre-
dicts that the rate constant increases or decreases
with ©'/* depending on whether the product of charges
on the reacting species, Z,Zg, is positive or negative.
The relation is valid only for solutions of low ionic
strength, which cannot be used when polarography is
the method of analysis; for the data presented here we

shall show only that the trends in k;, and k, as ionic
strength is changed are the same. This suggests that
the charge on the intermediate species is the same as
that on the hydroborate ion. Reference to Table V
shows that k; gco,- and ks mco,- change little with ionic
strength, while k; yg,+ and ks xp,+ both decrease appre-
ciably. While the uncertainty in k,y,o+ is great, it
seems to decrease, as does kjm,0+, With increasing
ionic strength. On the basis of the similarity of
behavior for ky ua and ks ma, we prefer for the formula
of the intermediate a negatively charged -BH; con-
taining species, of which BH;OH~ seems the most
probable.

A mechanism for the stepwise hydrolysis reaction
consistent with these results and those of other
workers #-10.18 can now be postulated.

k + —71* fast
BH, + HA; —> [H ilfl‘ ] 2% H, + (BHy) + A (1la)
fast
(BHy) + 2H,0 —> BH,OH- + H,0* (11b)

BH;OH- + HA; —> A —> H;BO; +

kg H+BH30H—] * fast
- 2H.0

3H: + A (1lc)

Carbonium Ion Salts. IX. Hydrogen Dihalides"*

Kenneth M. Harmon, Sharon Davis Alderman,*® Karen E. Benker,*?
Dennis J. Diestler,>® and Peter A. Gebauer®®

Contribution from the Department of Chemistry, Harvey Mudd College,

Claremont, California.

Reaction of tropenyl methyl ether with excess hydrogen
halide in ether solvent yields tropenium hydrogen di-
chloride and hydrogen dibromide as easily preparable,
stable, stoichiometric salts. Sublimation of the hydrogen
dichloride affords an excellent route to tropenium chloride.
Observations on the charge-transfer spectra of the
hydrogen dihalides and the light sensitivity of the chloride
are reported. Tetrabutylammonium hydrogen diiodide
has been synthesized; this is the first characterized salt
of this anion to be reported. Equilibrium dissociation
vapor pressure measurements have been carried out on
four hydrogen dibromides and indicate that factors other
than cation size affect the stabilities of such salts.

Exploration into the gquestion of the possible sta-
bility of hydrogen dihalide salts was almost over before
it had fairly begun. In two unfortunately often over-
looked papers* Kaufler and Kunz, in 1909, reported

(1) Supported by the Petroleum Research Fund and the National
Science Foundation,

(2) Reported in part in a communication: K. M. Harmon and S.
Davis, J. Am. Chem. Soc., 84, 4359 (1962);, and a correspondence:
K. M, Harmon and P. A. Gebauer, Inorg. Chem., 2, 1319 (1963).

(3) (a) National Science Foundation Scholar; (b) American Chemical
Society-Petroleum Research Fund Scholar.
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the synthesis and analysis of 29 hydrogen dihalides
and dihydrogen trihalides, and—in a remarkable piece
of reasoning considering the information available to
them—correctly deduced both the anionic nature and
the order of bonding in the XHX— moiety. Thus,
several rediscoveries®$ of tetramethylammonium hy-
drogen dichloride and a recent communication by
Tuck and Woodhouse” claiming the synthesis of the
first reported hydrogen dibromide seem a bit after the
fact.

Of the higher hydrogen dihalides the hydrogen di-
chloride is the best known. Both organict%%9 and
inorganic!®~!2 salts have been prepared, and the sym-
metrical structure of the anion has been established by
physical studies.®-®!* Reported compounds*’ of the
hydrogen dibromide anion are all of the ammonium

(4) F. Kaufler and E. Kunz, Ber., 42, 385, 2482 (1909).

(5) H. F. Herbrandson, R. T. Dickerson, Jr., and J. Weinstein, J. Am.
Chem. Soc., 76, 4046 (1954).

(6) T. C. Waddington, J. Chem. Soc., 1708 (1958).

(7) D. G. Tuck and E. J. Woodhouse, Proc. Chem. Soc., 53 (1963).

(8) A. Hantzsch, Ber., 64, 667 (1931).

(9) D. W. A. Sharp, J. Chem. Soc., 2558 (1958).

(10) R. West,J. Am. Chem. Soc., 79, 4568 (1957).

(11) R. E. Valleé and D. H, McDaniel, ibid., 84, 3412 (1962).

(12) A. G. Maki and R. West, Inorg. Chem., 2, 657 (1963).

(13) S. Changand E. S. Westrum, Jr.,J. Chem. Phys., 36, 2571 (1962).
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