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CHAPTER I

INTRODUCTION

By virtue of an available empty p-orbital on the boron atom, tri-

covalent boron compovnds can accept an electron pair from various donor

species. Addition compounds between boranes and a variety of Lewis

bases have been known for many years, but there is little known about the

change in activity with the change in the donor species.

Perhaps the best characterized of these adducts are the araine-

boranes, and there are several general review articles on the B-N

bond.°»^»^^»"^ The first raethylamineborane to be characterized was tri-

methylamineborane, which was synthesized in 1937 by Burg and Schlesinger.^

The compound was originally prepared by a displacement reaction between

borine carbonyl and the amine, and subsequently by the direct reaction of

the amine and diborane. Trimethylamineborane has also been prepared

from hydrogen and trimethylaminetrialkylboranes. The variety of

melting points assigned to monomethylamineborane was attributed to small

50
amounts of impurity incurred in the preparation, but Parry et al.

prepared the pure ccxapound by condensing the amine onto a diborane-

tetrahydrofuran solution at -75°C, Methylamineboranes have also been pre-

pared from the reaction of trimethylamine borontrifluoride and lithium

36 2
borohydride; from triphenoKyborate, aluminum metal, and hydrogen; and

from the electrolysis of sodium borohydride in liquid amnoriia and in

fill

liquid amines. However, the most convenient route to the methylamine-

boranes results from the reaction of the methylamine hydrochlorides with

1



14 22 46 60
sodium or llthiusn borohydride in diethyl ether or diglycie * '

nccording to the overall equation

R2CH3N.HCI + MBH4 ^^^^
> R2CH3IIBH3 + H2 + MCI.

All of the nethylacdneborrnes are white crystalline solids and

chow an increasing resistance to water hydrolysis £rom loonomethylamine-

borane to trimethylanineborane. Mono-, di-, end trinethylamineborane

melt at 56°, 37°, and 94°C. ,^ respectively. Trinethylanineborane can

be heated for several hours above 100°C. without a detectable change in

itc physical properties. Ibwever, dimethylanii'.eborane forms the anino-

12
borane (^.0113111112) v;hcn heated, and nionouethylan;ineborane can eventually

6Rfom N,N,N-triiaethylborasine.

Some of the physical-chemical properties of the taethylaaineboranes

which have been determined include the dipole r.ionentG;^»^»^" electron

diffraction-^ and x-ray patterns; molecular weight measurements in

liquid anmonia,^^ benzene, water, and dioxanc; vapor pressure roeacure-

ments and ho^atc of vaporisation;^ heats of forraanion froia the gaseous

aninee and diborane;^ B''^''- chemical shifts and other nuclear magnetic

23 50
resonance studies; » and infrared spectra, Baxoan spectra, and B-K

bond force constants. » » » »
»

All of the oethylamineboranes react with halogen acids, except HP,

to form the monohalogan aaineborane according to the overall aquation

R2CH3NBH3 + HX > R2CH3NBH2X + H2,

where X > CI, Br, or I, and R CH3 or H, The oethylamineboranes can

41
be used to prepare lithium borohydride by reaction with lithium hydride.

The only methylamineborane which has been utilized for hydroboration is



trimcthylamineborane,^»-^' and an extensive study of the hydroborating

pmievG of anineboranes has not been undertaken. The borohydride ion

and boranes will reduce the iodate ion in aqueous solutions, and this

reaction has been made the basis of an analytical procedure to determine

the concentrations of amineborane solutions. ^^ Monomethylamineborane

and other monoalkylamineboranes have been widely used to prepare trialkyl-

N-substituted borazines.^»^^»^»^^

Relatively little research has been done, however, on the solution

kinetics of the metl^lamineboranee. Kelly, Marchelli, and Giusto^^

calculated the rate constants for the acid hydrolysis of several amine-

boranes at room temperature but did not determine the activation energies.

Ryschkewitsch^' made an extensive study of the acid hydrolysis of tri-

methylamineborane, in which the author determined the activation energy,

the ionic strength dependences, and a logical mechanism for the reaction.

A report of some of the results of this work has appeared in the litera-

ture.-^ In a study of the hydrolysis by DCl, Davis et al.^'' found a

rapid and quantitative exchange of the boron hydrogens in trimethylamine-

borane with D2O. A large amount of reserach has also been done on the

aqueous hydrolysis of sodiim borohydride, 9 » 16, 18, 19, 20, 36, 52,62 Kinetics

in the gas phase have been studied for the combination of amines and

borontrifluoride,^»^» '^'^^ but the aqueous hydrolysis has received

relatively little attention."' The gas phase kinetic studies of other

B-N compounds include Bruoberger's^^ investigation of the relative

reaction rates of diborane with mono- and trimethylamine, and a de-

tailed work^^ on the meclianism of the reaction between diborane and tri-

methylamine.



Intuitively, one could propose that the Bolvolysis kinetics of

the methylamineboranee Involve a dissociation of the adduct into an

amine and a borane fragment, attack of an acidic species on a B-H bond,

or displacement of an amine from the adduct molecule by the attacking

species. As previously noted, solvolysis meclianisms have been proposed,

and one of the purposes of this investigation was to test these

mechanisms, and possibly elucidate in some detail, a mechanism for the

hydrolysis of the methylamineboranes. At the same time, the effect of

substituting a methyl group for a hydrogen on the nitrogen atom of the

adduct could be observed from a study of the activation energies. It

was also proposed to determine the heats of solution of the methylamine-

boranes in order to calculate the heats of hydration of the compounds.

It was thought that a correlation between the trend in activation energies

and heats of hydration would be evident. In the hydrolysis of diborane,

intermediates of the type H3B»H20 have been proposed, » and this inter-

mediate was also suspected to be present in an acid hydrolysis of the

methylamineboranes. However, the reaction of diborane with water is very

rapid and did not lend itself to study by our analytical methods. It was

therefore proposed to undertake a study of the acid hydrolysis of tri-

methylamineborane in 1-propanol-water solutions to see if intermediates

of the type R2NBH2 (OC3H7) and R^NBH(003117)2 could be detected, and to

extend the irork of Ryschkewitsch and Bimbaum^^ on the kinetics of sub-

otituted pyridineboranes in 1-propanol and water. We also wanted to

observe the differences in activation energies in the mixnd solvent and

in water. It was thought that from the observed trends in activation

energies in these tvro media, we could predict the effects of various



solvent changes on the activation energies. Finally, a brief study of

the association of monomethylamineborane in benzene was undertaken in

order to investigate a possible error in the literature.



CHAPTER II

EXPERIMENTAL

A, Materials

Cylinder gases . All of the cylinder gdses used were obtained from

the tiatheson Company*

Benzene . Reagent grade benzene was distilled from CaH2 and stored

over "dry-Na" or CaH2«

1-Propanol . In order to rid the alcohol of any in^urities which

might react with the amineboranes , it was treated with trimethylamineborane

before distillation. Reagent grade 1-propanol was made approximately

0.02 M in trimethylamineborane and approximately 1 M in HCl, and this

solution was stored until gas evolution ceased—about 24 hours. The solu-

tion was then neutralized with NaOH, and enough distilled water was added

so that the 1-propanol to water ratio did not exceed four. The solution

was then distilled, and the fraction boiling at 87.7°C. was collected.

The fraction collected at this temperature was the 1-propanol-water azeo-

trope, containing 28.9 per cent water and 71.7 per cent 1-propanol by

weight.^-'

The alcohol was also distilled from reagent grade 1-propanol which

was pre-dried with CaSO^. The fraction collected boiled at 97-98 C.

Trimethylamineborone . San5)les of trimechylamineborane from Calleiry

Chemical Company were sublimed at 0°C, onto a cold finger at -78°C. The

pure compound melts at 94^C.,^ and the purity exceeded 98 per cent as

determined by reducing equivalents*



Dimethylamlneborane . Samples of dimethylataineborane from Gallery

Chemical Company and from Chemical Procurement Laboratories were re*

crystallized from n-hexane and diethyl ether. The pure compound melts

at 37°C, ,^° and the purity exceeded 95 per cent as determined by re-

ducing equivalents.

Monomethylamineborane . Several methods of preparing monomethyl-

amineborane were attempted. No product could be obtained by bubbling

diborane through methylamine at -78°C. The method employed by Parry et

al.^ of condensing the amine onto a solution containing diborane and

tetrahydrofuran at -78®C. proved inadequate for the preparation of 1 to

10 gm. lots. Larger, pure samples were obtained by a modified method of

Noth and Beyer,^ using lithium borohydride and monomethylamine hydro-

chloride»

To prepare the hydrochloride, a 500 ml. three-necked round bottom

flask, containing 300 ml. of diethyl ether and equipped with a teflon-

coated magnetic stirring bar, was surrovtnded by an ice bath. Tlie flask

was fitted with two guc delivery tubes which extended below the surface

of the ether, and with a simple mercury biibbler to observe any pressure

differential. A cylinder of anhydrous HCl was connected to one of the

delivery tubes through a trap containing concentrated sulfuric acid. A

cylinder of anhydrous monontethylamine was connected to the other delivery

tube throtigh a mercury bubbler and a trap containing solid potassium

hydroxide. Stirring was initiated, and the gases were admitted, adjusting

their flow rates so that no pressure differential existed. The product

formed immediately, and the reaction was continued until, by visible in-

spection, the desired amount had been prepared. The product was allowed

to settle, and most of the ether was decanted; the remaining ether was
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removed on the vacuum line by heating the product at 100°C, for two hours.

The purity of the monomethylamine hydrochloride was determined by the

adsorption-indicator method for chloride ion and exceeded 99 per cent.

After removal from the vacuum line, the product was stored in an inert

atmosphere box. Samples could be exposed to the atmosphere for only short

periods of time before water absorption affected the weight.

To prepare the monomethylamineborane, an approximately 0.4 U solution

of lithium borohydride in diethyl ether was prepared from reagent grade

ether and 85 per cent lithium borohydride obtained from Metal Hydrides,

Inc. The solution was prepared in the dry box and allowed to stand until

gas evolution ceased. Approximately 250 ml. of the solution was decanted

into a flask fitted with an airtight rubber syringe stopper. Aliqiiots

were remorved by means of a graduated hypodermic syringe, and the nor-

mality vT&e determined by the method of Lyttle, Jensen, and Struck,

using arsenite instead of thiosulfate to titrate the iodine.

In a typical run, 6.5 gm. (97 mmoles) of monomethylamine hydro-

chloride were added to a 250 ml, two-necked round bottom flask fitted

with a teflon coated magnetic stirring bar. This operation was carried

out in the dry box, Tlie flask was placed on the vacuuc; line, and approx-

imately 75 ml, of ether were distilled from a lithium borohydride-ether

solution onto the monomethylamine hydrochloride at -78°C. The flask was

then surrounded by an ice bath and brought to atmospheric pressure with

dry nitrogen. A rubber syringe stopper r.nd a mercury bubbler were fitted

to the two necks of the flask, and a magnetic stirrer was placed beneath

the flask and the ice bath. A graduated hypodermic syringe was used to

add 120 ml. of 0.36 M lithium borohydride (43 tnmoles) in ether, and



stirring was initiated. Reaction occurred according to the overall equa-

tion

LiBI^ + CH3NH2»HC1 ^ CH3NH2BH3 + LiCl + U^,

The gas evolution, as indicated by the mercury bubbler, ceased after

approximately two hours. The cold solution was then filtered in the

atmosphere, the filtrate placed on the vacuum line, and the ether removed

at 0°C« The product obtained had a yellowish tint. The impure compound

was dissolved in 10 to 15 ml. of benzene and warmed to 40°C. An equal

volume of n*heptane was added, and the solution was cooled in an ice

bath* This solution was then filtered, and a pure, white crystalline

solid was obtained. The product was placed on the vacuum line and was

pumped on for several hours at 0°C. It was then siiblimed at 23^C. onto a

cold finger at -78°C. The pure product melted at SS^-SS^HI. , in agree-

ment with the literature value. ^° The purity was checked by adding a

weighed sample to an excess of iodate, acidifying, and titrating the

excess oxidizing equivalents present as iodine with areenite to a starch

end point. The following set of equations describe this analytical

method}

CH3NH2BH3 + 103* ^ B(0H)3 + CH3NH2 + r

etf*" + 103" + 51" > 3I2 + 3H2O

I2 + AsOg^- + H2O ^ AsO^^' + 2H^ + 21*,

An alteimate analysis was performed by hydrolyzing a weighed Baiiq>le with

a known amount of excess acid and back titrating with sodium hydroxide.

The hydrolysis proceeds according to the equatitm:
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CH3NH2BH3 + 3H20 + ir*" ^ 3Ii2 + BCOH)^ + CH3NH3"*'.

Tlie purity as calculated by both methods exceeded 98 per cent. ^Hiese

results and the findings of a ccsnmerclal analysis are listed below.
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was known, and a pH versus time plot was obtained directly from the

recorder chart paper.

The acid hydrolysis of dlmethylamlneborane in water . The hydrolysis

proceeds according to the overall equation

(CH3)2NHBH3 + IT*" + 3H20 ^ B(0l03 + (CH3)2NH2'*" + SH^.

The progress of the reaction can be followed by determining the loss of

reducing power of the solution or the change in the hydrogen ion concen- -

tration* Trimethylamineborane solutions have been analyzed by the former

method by Ryschkewitsch.'^' In this investigation a weighed amount of dl*

methylamlneborane was added to a known volume and concentration of

hydrochloric acid. The pH and time were read directly from the recorder

plots. The Instantaneous dlmethylamlneborane concentration could then be

dctsrmined from the stoichiometry of the reaction.

The reaction was studied over the temperature range of 36-50°C.

The initial dlmethylamind>orane concentration varied from 0.008 to

0.0275 H» Qn<^ tibe initial hydrochloric acid concentration varied from

0.004 to 0.013 H. All of the reactions were run at a constant Ionic

strength of 0.10 M by adding appropriate amounts of potassium chloride.

All solutions used in the kinetic runs were thermostated in the constant

temperature bath to + 0.01°C. The concentrations were adjusted so that

the half-life of tlie component in the lower concentration was attained in

10-15 minutes. Tliere were two half-lives in the longest run, and the

usual run was halted after one lialf-llfe.

An excellent fit of the data to the rate equation

-d [dlmethylamlneborane] /dt « k [dlmethylamineborane] [l&l
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was obcained over the range of half^llfe, temperature, and solvent coni«

position studied. The second order rate constants, k, were determined

from the slope of the straight line relation of

log [dlmethylamineborane] / [H^ and the time. The method of least squares

was used to optimize the fit. The activation energy was then determined

from the Arrhenius equation. In k » A(exp)-/:^+/RT, where /^jgr is the

activation energy, A is the pre-exponential factor, k is the second order

rate constant, and T is the absolute temperature. The activation energy

was calculated by a least squares treatment of log k versus 1/T.

The decomposition of dimethylamineborane in pure water occurred at

a negligible rate. A detailed discussion of the proposed mechanism of

solvolysls appears in a later section.

The acid hydrolysis of monomethylamineborane in tmter . The acid

hydrolysis of monomethylamineborane in aqueous solutions proceeds to

conq>letion analogous to the dimethylamineborane hydrolysis according to

the overall equation

CH3NH2BH3 + V& + SHgO ^ B(0H)3 + ^3^3"*" + 3H2.

The method of analysis of the monomethylamineborane hydrolysis was the

same as for the dimethylamineborane hydrolysis.

The reaction was studied over the temperature range of 27.5 to 35.9°C.

The initial monomethylamineborane concentration varied from 0.0025 to

0.0070 M, and the initial hydrochloric acid concentration varied from

0.0030 to 0.0062 M. The ionic strength was adjusted to 0.10 H with

potassium chloride. Each run covered at least one half-life oZ the com-

ponent in the lower concentration.
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Honcsnethylamineborane is laore sensitive to moisture than the di-

methylamineborane, and consequently, san^les of the former were stored

in the dry box. In a typical rtm, a sample of loonomethylamineborane

was removed from the dry box, dissolved in 50 ml. of 0.10 M potassium

chloride, and the initial concentration of the amineborane was deter-

mined by measuring the reducing pother of the solution by the iodate

method. A known volun« and concentration of hydrochloric acid was then

added, and the initial concentrations of both con^onents were determined

from dilution factors. No decomposition of monomethylamineborane in pure

water was detected over the approximately ten minute time interval

utilized in the measurements.

The data obtained were treated jn the same manner as that in the

dimethylamineborane hydrolysis.

The acid hydrolysig of di- and trimethylamineborane in l-propanol-

water solutions . The hydrolysis proceeds in the same manner as that in-

dicated for the preceding two amineboranes. The method of analysis

differed frcsn that in pure water, in that the concentration of the amine-

borane was followed by measuring the loss in reducing power by the iodate

method.

The reaction with trimethylamineborane in the mixed 1-propanol-

water solvent was studied over the temperatinre range of 31.8 to 44.4°C.

The initial trimethylamineborane concentration varied from 0,370 to

0.710 M, and the initial hydrochloric acid concentration varied from

0.818 to 1.02 M. Tlie solvent contained 30.6 per cent of 1-propanol by

volume. Tlie longest run covered approximately tvro half- lives, and the

usual run covered one half-life.



14

The reaction with dlmethylamlneborane in the mixed solvent was

studied over the temperature range of 4.5 to 14.6°C. The Initial di-

methylamln^orane concentration varied from 0.425 to 0.454 M, and the

Initial hydrochloric acid concentration was 0.813 M. The voluae ratio

of 1-propanol to water was constant throughout the experiments. Each run

covered at least one half-life of the amineborane.

It was found that when the reaction was carried out in an open

vessel and with large reaction rates, the hydrogen gas evolved would

carry out considerable amounts of the solvent, and preferentially the

1-propanol. This proved to be a serious source of error. This effect

was minimized by running the reactions in a closed ttd>e connected to a

mercury bubbler which maintained a slight positive pressure on the

solution, but which allowed the hydrogen to escape with much smaller

amounts of the solvent. At high concentrations of amineborane and hydro-

chloric acid, solvent evaporation restricted the reaction conditions to

a relatively narrow range of concentrations and tonperatures.

In a typical run, a weighed amount of the amineborane was dissolved

In the 1-propanol-water azeotropc, which contained 75.85 per cent 1-

propanol by volume. The initial concentration of the amineborane was

found by measuring the reducing power of the solution by the lodate

method. A known amount of this solution was then pipetted into the re-

action tvbe, and a knoim volume and concentration of hydrochloric acid

was added. The volume ratio of the azeotrope to the hydrochloric acid

solution was two, so that the volvone ratio of 1-propanol to water in the

final solution was 1.02. Allquots of the reacting solution were removed

at different time intervals, and the Instantaneous concentration of the

amineborane was found by the lodate method. The instantaneous acid
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concentration could then be determined from the Btoichiometry of the

reaction*

No ionic strength adjustments were made* The solutions used in

the trimethylamineborane hydrolysis were thersKistated to + 0.01°C*, and

those used in the dimethylamineborane hydrolysib were theroostated to

+ O.l^C. The data obtained were treated in the same manner as that of

the hydrolysis in pure water. Vigorous stirring of the solution before

removing the aliquots reduced the interference of the hydrogen gas

evolution x^ith pipetting.

Attempts were made to study the trimethylamineborane reaction as

a pseudo-first order reaction, in which the amineborane concentration

was approximately 0.02 M» and the hydrochloric acid concentration was

1.0 M. Consistent and reproducible data could not be obtained, and the

behavior of these reactions will be discussed in a later section*

Tlie distribution coefficient of monomethylamineborane between

benzene and water . A weighed amount of monomethylamineborane was dis**

solved in a knotm volume of water, and this solution was shaken with an

equal volume of benaene. All of the solutions were thermostated to

+ 0.1°C, Twenty to thirty minutes were allowed for equilibrium to be

reached, and then aliquots were removed fr<»n both the organic and aqueous

phases and titrated by the iodate method.

Precision of the data was relatively poor, and the essperiment was

abandoned in favor of direct solubility measurements in water. The

reasons for the initial undertaking of this experiment and for the poor

results are outlined in the discussion section.

The solvibility of mon<X3aethylarainoborane in benzene . The solubility

was studied over the temperature range of 5,9 to 21,5°C. A saturated



16

solution with a large excess of solid was prepared at roan temperature.

The ten^erature ;«s hold constant to + O.l^C, in a Dewar flcsk. Aliquots

were pipetted out at several tetiperatures through a small glass fritted

filter tube, which was attached to the pipet by means of a lubricated

loop of tygon tubing. The concentration of the ariineborane was then de-

termined by measuring the reducing power of an aliquot by the iodate

method, A straight line was obtained from a plot of log (monomethyl-

amineborane concentration) versus l/tci:5>erature, and the heat of solution

was calculated from the least squares slope of this line. The solubility

of the mononethylamineborane at the freezing point of the benzene solution

was determined by extrapolation from this plot, and this particular con-

centration ^^6 then utilized in calculations involved in the cryoscopic

study.

The cryoscopy of nonomethylamineborane-benzene solutions . The

freezing point depressions in benzene were determined at various concen-

trations of monomethylamineborane. The apparatus consisted of a double-

walled, glass wool insulated vessel, a Beclcman thermometer, and a mag-

netic stirring meciianism operated by a relay timer, as shown in the

figure on the following page.

The thermometer v^as calibrated at the freezing po^.nt of pure benacne.

In order to correct for the effect of supercooling, the temperature ver-

sus time curve itae extrr.polnted through the supercooling region in all

instances. Tlie intercept of the extrapolated line and the initial portion

of the curve was taken as the freezing point of the solution. Ten5>erature

differences were measured to + 0,005°C.

In a typical rxin, 8-10 ml. of a monomethylanineborane-benzcne solu-

tion were placed in the freezing point apparatus. The concentratim of
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the solution was then determined by the iodate method from the reducing

equivalents of an aliquot. The molality of the solution was then approx-

imated by dividing the moliarity by the density of benzene at 25°C, The

density of benzene at 25°C. was calculated to be 0.87A g./ml, from a linear

interpolation of the densities at 20°C. and 30°C,^^ The van't Hoff

factor, i, was determined from the ratio of the expected freezing point

depression, z^Te> to the observed freezing point depression, AT^; i.e.,

i = ATe/zi^o* ^^^ expected freezing point depression can be calculated

frraa the expression AT =» K^*molality, where K^ is the cryoscopic con-

15
stant for benzene and has the value of 5.12, Tliese i values were then

A6
compared to those in the literature.

Tlie solubility of trimethylamineborane in tjater . A saturated,

aqueous solution of trimethylamineborane was prepared at room tenperature.

Aliquots were removed over the temperature range of 0-33°C. by means of

a glass fritted filter tube attached to a 1 ml, pipct, Tlie tenqperature

was held constant to + 0.1°C. Tlie reducing equivalents contained in the

aliquots v^ere then determined by the iodate method. The heat of solution

was calculated from the least squares slope of a plot of log (trimethyl-

amineborane concentration) versus 1/tenperature.

The solubility of mono- and dimethylamineborane in ;^ter . Since

these compounds were vastly more soluble in water than was the trimethyl-

amineborane, a slightly different procedure was used in order to econo-

mize on reagents.

Saturated, aqueous solutions of the amineboranes were prepared at

temperatures below 20°C. A 0.10 ml. capacity Hamilton microliter syringe

with a small styrofoam ball attached to the orifice of the needle tip
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was used to retaove 0.05 to 0.085 ml. allquots from the solutions. 01*

methylanineborane was studied over the temperature range of 0-20°C,,

and Qonomethylaiaineborane was studied over the temperature range o£ 0-

13°C. The reducing equivalents contained in the allquots were then

determined by the iodate method. The heats of solution of these amine*

boranes were determined in the same manner as the heat of solution of

trImethylamlneborane

.



CHAPTER III

EXPERIMENTAL RESULTS

The data compiled from the acid hydrolyBis of the taethylamine-

boranes are listed in Table 2 through Table 21. Folloi-7ing Table 3 for

monomethylamineborane in water, Table 11 for dimethylamineborane in

water. Table 14 for triiaethylamineborane in 50 per cent l-propanol«watcr

,

and Table 20 for dimethylamineborane in 50 per cent 1-propanol-water, are

plots indicative of the treatment given to each kinetic rxm. At the end

of the pertinent tables, a sunsoary of the kinetic data for each amines

borane hydrolysis is given, alcmg with the Arrhenius plots and parameters.

The solubility curves for each of the methylamineboranes are pre-

sented at the end of the kinetic data.

The results of the cryoscopic work on monomethylamineborane in

benzene and the distribution coefficient data appear in the discussion

secticsi.

Tables of con5)ariscm of data, or tables containing specific data

from the literature, are presented in the discussion to which they

refer. A table of the list of syndKils and abbreviations used throughout

the thesis is presented on the follotiring page.

21
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TABI£ 1

LIST ae SYMBOLS AND ABBREVIATIOIS

Syid>ols Definitions

ItlAB

laiAB

TNAB

Z^e

ATo

i

Or.

/^

T

k

t

P

[]

Mo

s

R

A

B

Monomethylamineborane

Diinethylamineborane

Trioethylamineborane

Expected freezing point depression

Ejq>erijnentally observed freezing point depres-
sion

van't Hoff factor

Degrees Kelvin

Activation energy in kcal./mole

Absolute temperature

Second order rate constant in liter/mole/ time

Time

Ionic strength in moles/ liter

Concentration in moles/liter

Initial concentration in moles/liter

Molarity in moles/ liter

Molality in moles of solute/lOOO g. of solvent

Gas constant in cal./mole/deg.

Defined by In k «• A - B/T

Defined by In k » A - B/T

Heat of hydration in kcal./mole

Heat of solution in kcal./mole
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TABLE 1 - Continued

Synfcols Definitions

K

50% 1-propanol-water

Heat of vaporizaticxi in kcal./mole

An equilibritnt constant

A solution containing 50.6% of 1-propanol by
volume
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TABLE 2

KINETIC DATA FOR MMAB IN WATER AT 27.55<>C.

[H+1 K I03 [MMAB] X 103 log [MMAB] / (If*"] Time, min.

6.026 6.132 0.0078

3.793 3.899 0.0120 4

2.692 2.798 0.0166 8

2.079 2.185 0.0216 12

1.687 1.793 0.0265 16

k " 25.57 liter/mole/min.

6.012 5.129 -0.0690

4.853 3.970 -0.0872 2

4.036 3.153 -0.1072 4

3.467 2.584 -0.1277 6

3.048 2.165 -0.1576 8

k » 26i33 liter/mole/min,

0.2074

0.2582 2

0.3135 4

0.3700 6

0.4270 8

k " 25.20 liter/mole/min.

4.410
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TABLE 3

KINETIC DATA FOR MIIAB IN WATER AT 30.70°C.

[ir'^ X 10^ [MMAB] X 10^

6.000 7.896

4.853 6.749

3.990 5.886

3.304 5.200

2.786 4.682

2.399 4.295

2.070 3.966

1.815 3.711

1.603 3.499

1.419 3.315

k " 33.91 liter/njole/oin.

4.083 6.830 0.2235

3.357 6.104 0.2596 1

2.780 5.527 0.2984 2

2.317 5.064 0.3397 3

1.954 4.701 0.3813 4

1.671 4.418 0.4223 5

1.429 4.176 0.4657 6

[MMABj/[ir]



26

2.85

0)
4J

2.77

(>IMA|o = 0.008 M
T = 30.70OC.

p = 0.10 M

2.69

2.61

2.53

2.45

2.37

2.29

2.21
4 6

Time in Minutes

8 10

Fig. 3. pH vs. Time Plot for Monomethylamineborane (MMAB)

in Water



27

8.0

CO
o

Cr*3o = 0.006 M
T = 30.70OC.

H = 0.10 M

Fig. 4.

4 6

Time in Minutes

Concentration vs. Time Plot for Monomethylpmineborane
(MMAB) in Water



28

0.37

O
o

0.34

0.31

0.28

0.25

0.22

0.19

0.16

0.13

Fig. 5.

4 6

Time in Minutes

Second Order Rate Plot for Monomethylamineborane (MMAB)

in Water



29

TABLE 4

KINETIC MTA FOR MMAB IN WATER AT 31.94°C.
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TABLE 5

KINETIC DATA FCSl M^AB IN WATER AT 33.94®C.

pr*^ X io3



31

TABLE 6

SIMMARY CF KINETIC DATA FOR. MMAB IN WATER

Standard .

k, l.mole'Wn."^ deviation log k l/T, 103 x ^K.**-

25.70 0.47 1.410 3.326

33.95 0.05 1.531 3.2i^£

38.33 0.04 1.584 3.278

54.92 0.05 1.740 3.236

AE^ = 15.81 kcal./mole

ArrheniuG parameters from log k = A - B/T: k in 1.mole* '•sec, "^

A = 11.14

B " 3,457
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TABLE 7

KINETIC DATA FOR DMAS IN mTER. AT 36.08°C.

[!&] X 102
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TABLE 8

KINETIC DATA FOR DMAB IN WATER AT ^t0.34°C.

[tf*;] X 10^ [DMAB] X 102 [i»iAB]/nr]
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TABLE 8 - Continued

[l&] X 10^
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TABLE 9

KINETIC DATA FOR DMAS IN WATER AT 42.79°C.

[l&] X 103 IDMAB] X I02 log [IMAB]/[ir^ Time, min.

10.28 1.434 0.1446

9.506 1.357 0.1544 2

8.770 1.283 0.1652 4

8.110 1.217 0.1764 6

7,482 1.154 0.1884 8

6.966 1.103 0.1995 10

6.457 1.052 0.2119 12

1.434
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TABLE 9 - Continued

[H+] X 103
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TABLE 10

KINETIC DATA FOR DMAS IN WATER AT 44.95°C.

[V&] X 10^
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TABLE 10 - Continued

[ff*^ X 103
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TABI£ 11

KINETIC DATA FOR DMAB IN WATER AT 50.27°C.

[ir^ X io3
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TABLE 11 - Continued

[H^] X 103
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TABLE 12

SIMIARY OP KINETIC DATA FOR DMAB IN WATER

Standard .

k, liinole'Wn."^ deviation log k 1/T, 10^ x °K.'^

1.439

2.355

3.261

3.765

6.451

m
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TABLE 13

KINETIC DATA FOR TMAB IN 50 PER CENT 1-PROPANOL-WATER
AT 31.830C.

[irl
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TABLE 14

KINETIC DATA FOR TMAB IN 50 PER CENT 1-PROPANOL-WATER AT 35.85°C.

[tf*-]
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TABLE 15

KINETIC DATA FOR TMAB IN 50 PER CENT 1-PROPANOL-WATER AT 40.23°C.

[t&] [TMAB] log [ir*']/[TMAB] Time, nin.

1.022 0.653 0.195

0*914 0.541 0.228 30

0.825 0.456 0.257 57

0.760 0.391 0.289 86

0.696 0.327 0.328 U3

0.657 0.288 0.358 150

0.616 0.247 0.397 186

k "» 6.77 X 10*3 liter/aole/min.

0.818
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TABLE 16

KINETIC DATA FOR TAMB IN 50 PER CEOT l-PROPANOL-WATER
AT 44.38°C,

[tr^]
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TABLE 17

SlttMARY OF KINETIC DATA FOR TMAB IN 50 PER CENT 1-PROPANOL-WATER

k, l.mole" min."
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TABLE 18

KINETIC DATA FOR BWAB IN 50 PER CENT 1-PROPANOL-WATER
AT 6.50c.

[H*'3 [BMABJ log [H+]/[»lAB]

0.284

0.311

0.336

0.370

0.404

0.469

k " 8.81 X 10*3 liter/raole/min.

0.818
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TABLE 19

KINETIC DATA FOR I»IAB IN 50 PER CENT 1-PROPANOL-WATER
AT 10.5°C.

[ir*l
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TABLE 20

KINETIC DATA FOR DMAS IN 50 PER CENT 1-PROPAHOL-WATER
AT 14.6°C.

pr^]
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TABLE 21

SIMiARY GF THE KINETIC DATA FOR BtlAB IN 30 PER CENT 1-PROPANOL-
WATER

k, l.mole-lmin.-l log k 1/T, 10^ x °K."^

8.81 X 10*3 -2.055 3.575

1.55 X 10-2 -1.810 3.525

2.87 X 10-2 -1.542 3.475

/^ - 22.0 kcal./mole

Arrhenius parameters frtxn log k » A - B/T: k in Lmole-^sec."^

A « 13.64

B = 4,890
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CHAPTER IV

DISCUSSION OF RESULTS

A, Aqueous kinetics

Tlie reaction of the inethylainineboranes in acidic solution proceeds

to conpletion according to the overall equation

R2CH3NBH3 + ir*" + 3H2O ^ R2CH3Nir*' + B(OI03 + 3H2,

where R is CH3 or H, yiie reaction can be studied by several modes of

analysis. The IT" concentration can be followed by measuring the in»

Etantaneous pH of the solution, or by quenching with base and back titra-

ting. The amovmt of hydrogen gas evolved can be follov/ed by manoroetric

techniques, taking into account the solubility of the gas in solution.

The reducing power of the solution can be followed by quenching the

reaction with excess lodate, converting the iodate to iodine with excesb

acid and potassiun iodide, and then back titrating the iodine with

arsenite. Tlae following set of reactions describes this method:

R2CH3NBH3 + IO3- > B(0H)3 + R2CH3N + r

eir"" -f IO3" + 51" ^ 3l2 + SHjO

I2 -f AsOs^' + H2O ^ A6O43" + 2H"*" + 21*.

This method of analysis of boranes was first reported by Lyttle, Jensen,

/
and Struck for the borohydride group.

64
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The stolchlometry of the reaction was established by a cooblnation

of two methods. The hydrogen Ion, boric acid, and methylasmonlum ion

concentrations were determined by a potent iotnetrie titration with OIT,

as allquots were removed during different stages of the reacticwx. The

instantaneous reducing power of the solution vms simultaneously deter-

mined by the iodate method. The experimentally determined etoichiooetry

agreed with the overall equation for the acid hydrolysis Indicated above.

These results also agree xtrith Ryschkev/itsch's^' study of the acid

hydrolysis of trimethylamineborane, in which the author concludes

that there Is no build-up of B-H intermediates.

In this work the aqueous hydrolyses were folloc7ed by measuring the

instantaneous pH of the solutions, Tlie excellent fit of the data to

second order kinetics, the agreement with the proposed stoichiometry,

and the conclusions of other investigators^*^' appear to preclude the

formation of any oxidisable B-H intermediates that could be detected by

our methods.

The general rate equation Is given by

-d[R2CH3NBH3]/dt » k [R2CH3NBH3] pr*"]

,

(I)

where k is the second order rate constant, t is the time, and the

brackets indicate molar concentrations, E:q)reecing (1) in terms of the

Initial concentrations and the amount reacted after some time, t; a and

b, and x, respectively, we have

dx/dt " k(a-x)(b-x), (2)

Separating the variables, integrating, and imposing the boundary condi-

tion that X is zero when t Is zero, the resulting equation is
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I , b (a-x)
^^^ " <a-b) In a(b-x) • (3)

A plot of log (a-x)/(b-x) versus time should thus be linear with a slope

equal to k(a-b)/2.303. The linear plots obtained from our data are con-

firmation that the reaction is first order in amineboranc concentracion

and first order in hydrogen ion concentration, Tliis is the same cchi-

cluslon reached by Kelly, Marchelli, and Giusto^^ in their investigation

of the hydrolysis of several amineboranes.

In a somewhat analogous manner to the treatir«nt of the hydrolysis

of trljaethylamineborane by RyscMces^itsch, ' there appear to be several

possible meclianisns consistent with the data. Besides the solvated pro-

ton, the acids water, methylaciaonium ion, and boric acid could conceivably

react with the amineboranes according to the following equations:

R2CH3NBH3 + l& ^ H2 + products (4a)

R2CH3NBH3 + H2O ^ H2 + products <4b)

R2CH3NBH3 + R2CH3NH*" ^ B2 + products (4c)

R2CH3NBH3 + B(OI03 ^ Hg + products (4d)

The reactions of the amineboranes with water, methylanBuonium ion, or

boric acid can be eliminated from consideration because of their com-

paritively slow reaction rates with respect to the rate of the reaction

with hydrogen ion in the time and concentration ranges suudied.

There are t^ro possible equilibria that could produce a BH3 species;

a displacement,

R2CH3NBH3 + ir^' ^ ^ R2CH3NH*' + BH3, (5)
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or a dissociation, '

R2CH3NBH3 ^ ^ R2CH3N + BH3. (6)

The BE, fragment could then be attacked by the acids listed in

equations (4a) -(4d):

BH3 + I^ ^ H2 + products (7a)

BH3 + H2O > H2 + products (7b)

BH3 + R2CH3KH*' ^ H2 + products (7c)

BH3 + B(OI03 ^ % + products (7d)

Another alternative is the direct attack of the solvated proton

on the B-H bond of the amineborane,

R2CH3NBH3 + H"*" ^ R2CH3NBH2'*' + H2. (8)

Hawthorne and Lewis^ have reported this type of mechanism In their study

of the hydrolysis of pyridine diphenylborane in acetonitrile. The most

direct approach vnjuld be a study of the isotope effect in the hydrolysis

of the amineboranes and their deuteratcd analogs, i.e., R2CH3NBH3 and

R2CH3NBD3. Ho^^ever, Davis et al,17 found that trimethylamineborane under-

goes a rapid and quantitative exchange of the boron hydrides with heavy

water, D2O. Therefore, nothing would be gained by running the deuterated

coiqpound in aqueous solutions if the rate of douteration greatly exceeded

the rate of hydrolysis. Ryschlcewitsch and Bimbaum^S studied the kinetics

of pyridind>orane in 1-propanol and in 1-propanol-water solutions, and

the authors conclude that the reaction probably proceeds by loss of the
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amine rather than H in the slow step. Kelly, Marchelli, and Giueto^^

studied the solvolyeis of several aiaineboranes and proposed that the

mechanism involved a rate determining attack of the solvated proton on

the nmineborane, in which a proton is being transferred to the nitrogen

atom concurrent with a loosening of the B-N bond, followed by a rapid

solvolysis of the borane fragment. A borane cation of the type

J.

(R3N)2BH2 has been reported by Miller and Muertterties^S and found to be

very stable toward acid attack. We would suspect that the borane cation

in equation (8) vrould be coordinated to uhc solvent water to form the

analogous species (R2CH3N) (H20)BH2 . On the basis of the evidence in the

literature cited above, ve. would thus eliminate equation (8) from con-

sideration as a possible mechanism.

First order kinetiCJ, in the acid concentration could result from

a rapid displacement equilibrium, follo(;ed by the slow reaction of the

borane fragment with a protonic species, equations (7b) -(7d), We would

like to show how this process can be eliminated from consideration. If

we assisne the reaction proceeds by

R2CH3NBH3 + H*" ^l ^ R2CH3Ntf*' + BH3

BH3 + acid ^^2 ^ Hg + products,

where k^ and k_, are the forward and reverse rate constants for the rapid

displacement equiliJjria, and k2 is the rate constant of the slow step,

then the rate expression would be given by rate » k2 [8113] [acid] . I^ie

BH3 concentration can be related to the equilibrium constant, K, of the

displacement equilibrium by
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[BH33 [R2CH3Nir^]

^ "^
lR2(lH3tari3] Pn •

Solving for the BH3 concentration In terms of K and siibstltutlng this in

the rate expression, vte arrive at the nev rate e:iq>ressioa

rate = kgK [R2CH3NBH33 [h"^] [acid]
^

^^^
{R2CH3Nir*-]

It can be seen Iranediately \Ary (7a) is eliminated. If the acid is ff*", and

this is substituted in (9) for the acid, then tills will give a rate

e:q)resGion that is second order in hydrogen ion, v;hich is contrary to

our observed data. However, substituting water, methylaniaoniian ion, or

boric acid for the acid in (9) would present a rate egression that is

first order in hydrogen ion. The rate would also be inversely propor-

tional to the nethylamncnium concentration, as readily seen from equal:ion

(9) . Therefore the addition o£ the methylaianonlum ion to the solution

should retard the rate, if this is the correct mechanism. This would be

true of course only for (7b) or (7d) , which contain water and boric acid

as the attacking acids. Actually, the rate of the trimethylamineborane

hydrolysis is increased by the addition of trinethylanmoniura ion accord-

ing to Ryschkewitsch's'^'^ study, and we t/ould assume an analogous effect

for the other two adducts. Thus, we have so far eliminated a rapid dis-

placement equilibrium followed by a slow solvolysis of the borane frag-

ment by hydrogen ion, water, or boric acid. We would also lilce to

eliminate from consideration the equilibrium followed by the slow reaction

of the borane fragment with methylarataonivna ion, for the following reasons.

If step (7c) is analogous to reaction with hydrogen ion, and if the
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reactivity increases with the acid strength, then both steps would be

competing and (7a) should be faster. Therefore, as loi^g as the equi-

librium is maintained, step (7a) would produce second order kinetics in a

hydrogen ion. This lias already been eliminated as being contrary to our

results, llierefore, a rapid displacement equilibrium followed by the

slow reaction of a borane fragment in steps (7a) throv^h (7d) has been

eliminated from consideration as a possible meclvanlsm. The dissociation

equilibrivsa (6) , can also be eliminated, because the displacement

equilibrium (5) , is a confciiiation of (6) and the rapid proton transfer

equilibrium to the methylammonium ion,

R2CH3NBH3
"^ R2CH3N + BH3

+ R2CH3N ^^ H*" ^__^^ R2CH3NH*'

» R2CH3NBH3 + H^ ^ R2CH3NH"*' + BH3 .

Tliis, of course, has been eliminated as indicated above.

However, if step (7a) were so fast that equilibrium is not main-

tained, then step (4o) would represent the reaction, i.e.

,

R2CH3l3n3 + IT** > Hg + products.

TliuE, first order kinetics in amineborane concentration and first order

kinetics in hydrogen ion concentration would be observed from the pro-

tonation of the nitrogen atom of the amineborane, concurrent with B-N

bond breakage, follox^d by a rapid solvolysis of the borane intermediate.

The reaction, including the transition state, can be conceived as
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+

R2CH3N* . BH3

H

-> R2CH3Ntf^ + BH3

BH3 + H2O rapid ^ H^ + products.

This type of transition state is also in agreement with the ionic

strength dependence of the tririethylainineborane hydrolysis studied by

Ryschl:ewit8ch,^' and that proposed by Kelly, Marchelli, and Giusto^' in

their study. The latter authors base their hypothesis on the influence

of substituents on the aniline ring in CgH5riI^BH3 and on dielectric effects

from using mixed solvents.

Tlie activation energies and the Arrhenius parameters calculated for

the methylamineboranes are listed in Table 22 on the next p<i^e. On the

basis of the proposed transition state and the rate detemcaining pro~

tonation of the amineborane, there are several factors which may be help-

ful in explaining the trend in activation energies. These factors include

any influences which i^aken or strengthen the B-N bond, steric and in-

ductive effects, and the stabilization of the transition state and re-

actants by the solvent.

A study of the heat of the reactiaa

R2CH3N(g) + l/2-B2H6(g) ^ R2CH3NBH3(g)

could be an indication of the relative B-N bond strengths of the adducts.

McCoy and Bauer^ have calorimetrically determined the heat of reaction

for the gaseous reactants to give the solid adducts. At the time of their

study, the heats of vaporization of the methylamineboranes had not been

determined. Values for the gaseous heats of reaction were obtained by
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TABLE 22

THE ACID HTOROLYSIS OF THE METHYLAMNEBORANES

MethyInmineborane
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adding the heats of vaporization fovind by Parry et al.^ to the values for

the solid adducts obtained by HcCoy and Bavier. These values are listed

in Table 24 on page 82« The heat of dissociation of diborane enters into

the heat of reaction, but this will be true for each oethylamineborane

and will not affect the trend in these hcatd. It is seen that the tri-

raethylamineborane has the highest heat of reaction and would, csi this

basis, be expected to have the highest activation energy. Analogous

arguments apply to the two other methylamineboranes, and the trend in

activation energies should parallel the trends in the absolute values of

the heats of formation of the amineboranes.

This same trend would also be predicted on the basis of inductive

effects. Ttie tritaethylamineborane would be e:q>ected to have the nitrogen

atom with the highest electron density compared to the other two methyl*

amineboranes, and would be expected to have the strongest B-N bond. The

strotiger the B-N bond in the transition state, the more difficult it would

be to break this bond, and hence the activation energy should increase

with bond strength. Since the heats of reacticm of the methylamines with

diborane is also a measure of the relative bond strengths * UcCay and

Bauer's work also indicates an Increase in bond strength from methyl- to

trimethylamineborane, v/hen their data has been adjusted to the gas phase.

Ikn/ever, some data on the interaction of methylamines and Lowits acids do

not exhibit this trend. Instead the trend appears to be dimethylamine >

monomethylamine>i;C trimethylamine. Tliis is true of Brown, Bartholocvay,

and Taylor's study of the gaseous dissociation of the mathylaminetrimethyl*

boranes; Bauer's ' v7ork on the methylamines and borontrifluoride; and the

data quoted by Braude and Nachod on the heats of reaction of the methyl-

amines and borontrifluoride in nitrobenzene. Hoirever, these reactions do
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not Involve the saiae substituents on the boron atom» are subject to sol-

vent effects in the case of the nitrobenzene measurements, and con-

sequently make strict comparisons difficult. Also, when the solid

adduct is formed from gaseous reactants, different Let^is acids will be

subject to different lattice effects which influence the heats of vapor-

ization.

In all of these cases, and in our case as well, there is only a

difference of a few kiiocalories per mole for the heats of reaction of

the methylamines with the boranes. One can ccmclude that an explanation

of the trends in activation energies based only on the B-N bond strengths

or on inductive effects is inconclusive, but that these factors neces-

sarily influence the activation energies. Bauer^'' also agrees that heats

of association and the activation energies of the methylaminebor ^nes

should be only roughly related.

Assuming the first step in the meclianism, the slow or rate deter-

mining step, is the protonation of the nitrogen atom of the amineborane,

then there appear to be two important factors to consider. Sterically,

it would be expected that trimethylaraineborane vrould be least susceptible

to an attack by a solvated proton. Conversely, the monomethylamineborane

would be the most readily attacked of the three amineboranes . Therefore

the monomethylamineborane might be ejected to react faster than the

dimethylamineborane, etc. This does agree with the observed rates of

hydrolysis for the amineboranes.

One would also expect the solvent to influence this first step, de-

pending on the effective acidity of the solvated proton in different

media.
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On Che basis o£ electronic effects, the nitrogen atom in the mono-

oethylamineborane would be eKpected to have the lowest electron density

o£ the three amineboranes* Tlierefore on the basis of attraction for the

solvated proton, the raonomethylamineborane vTOuld react the slowest. Ikn-j-

ever, the steric, electronic, and inductive effects may be minor cwapared

to other factors such as hydrogen bonding and dielectric effects, wliich

are discussed below.

In considering solvent effects, a hypothetical energy diagram can

be constructed showing the energies involved in going from the solvent

phase to the gas phase. This diagram is illustrated on the following

page. Attention will be focused on the reactants and the transition

states; the transition state is assumed to be a loosely bound methyl-

ammonium ion and a borane fragment. Once the B-N bond is loosened, the

borane fragment undergoes rapid solvolysis to the final products.

In the solvation process, the energy terms involved are the heats

of hydr::tion, A^, of each species of reactants end trans ititxi states

and the activation energies of the gaseous and solvated transition states.

In the series of the methylamineboranes , the heat of hydration of the pro-

ton will be the same in all cases and should not affect the overall

energy differences. The borane fragment is present in each transition

state and one would expect that the borane portion of the transition

state would have an interaction energy with the solvent environment which

is independent of the amine portion, even though tlie energy of formation

of each transition state from the gaseous reactants would be related to

the B-N bond strength.

Briegleb' has found the heats of hydration of methyl-, dliaethyl-,

and trimethylamiae to be -10.4,-11.0, and -11,4 kcal./mole, respectively.
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Tlierefore, as a first approximation, one would not e2q>ect the heats of

hydration of the nethylamineboranes to differ by nuch. Tl\iB is fairly

v/ell substantiated by the experiiaental data obtained fron the heats of

solution of the amineboranes listed in Table 23 on page go> ^^^ from the

heats of vaporization found by Parry et al^. The heats of solution

were determined from the least squares slope of a plot of log fcjethyl-

aoineborane] versus l/teir$>erature for the saturated solutions. The

heats of hydration were then calculated by subtracting the heats of

vaporizsation from the heats of solution. The temperature ranges of the

solubility measurements do not coincide with the temperature ranges of

the kinetic data^ but only a rough estimate was desired. The curvatures

in the solubility curves of the dl- and raonoiaethylamineborane (Figures

15 and 16 on pages 60 and 61, respectively) may be due to changes in the

degree of assoclatiort of the molecules. Such behavior has been reported

by Noth and Beyer^ for the methylamineboranes. Tlie values calculated

for the heats of hydration of tri-, dl-, and monomethylamlneborane are

-9.1, -12.9, and -12.5 kcal./mole, respectively. Since the heats of

solution were calculated from the slope of a log (concaitration) versus

1/temperature plot, and since the curvature observed in the dl- and

mcnomethylamineborane curves Is toward a more rapid Increase in the

saturation concentration than expected, then one might predict even higher

values for the heats of solution of these two adducts In the teE:iperature

range of the kinetics, i.e., 25-50°C. This in turn would lead to lower

negative heats of hydration of these two amineboranes, since the heats

of hydration \tere calculated from the differences bet^jccn the heats of

solution and the heats of vaporisation. The'-efore the differences in the
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heats of hydration of the raethylamineboranes may even be closer together

than our data indicate*

It seems that the factor affecting the differences in activation

energies to the greatest extent is the heat of hydration of the tran-

sition state. If protonation occurs with the concurrent loosening of

the B-N bond to form loosely bound methylaniacniium ion and BH3, then it

seems logical to discuss the differences in the heats of hydration of the

transition state on the basis of the differences in the heats of hydra-

tion of the methylamjiouium ions, assuming a fairly constant contribution

from the BH3 part of the molecule. Trotman-Dickenson^^ has postulated

that in the equilibrium

RgNtf*" + HgO ^ ^ H3O'*' -J- R3N,

the degree of 8tabiliza;.ion depends on tiie nisriber of hydrogen bonds

capable of being formed, and on the aqueous ionisation constants of the

amines. The author states that the effect of methyl substitution, although

increasing the base strength inductively, is more than conipensated for by

the loss of hydrogen bonding; and that the amines will be stabilized to

approximately the same extent owing to solvation, but that the amine

ions will be stabilized much more, and to different degrees owing to

hydrogen bonding. Hall's^S study of the correlation of the base strengths

of the amines confirms Trotman-Dickenson's theory. Pearson and

Vogelsong^^ have estimated the heats of hydration of the methylammonium

ions to be -71, -63, and -55 kcal/mole for the methyl-, dimethyl-, and

trlmethylammonium ions, re^>ectlvely. These values were calculated from

a modified Bom equation and from the lattice energies of the hydro-

chlorides and tetramethylamaoniun chloride. It is seen that there is a
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decrease of approximately 8 kllocalories per laole In the heat of hydration

when methyl Ib svibstituted for hydrogen on the nitrogen atom. Therefore,

one might e:q>ect tliat a transition state involving a loosely bound methyl-

ammonium ion to a boranc fragment Is subject to somewhat analogous

effects* The monooethylamlncborane transition state, capable of forming

the greatest nunfcer of hydiogcn bonds of the three methyl amdnebcranes

,

would be the most stabilized. Thus, the expected trend in activation

energies would be the same as that experimentally observed, for the

differences in the stabilization of the transition states are much greater

than the differences in the stabilization of the araineboranes.

It is proposed then, that a major factor in the observed trend in

activation energies of the methylamineboranes is the stabilization of

the transition state by the solvent water. It would be interesting to

determine the activation energies of several series of amineboranes, such

as the etliyl- or n^propylamineboranes, to test the hypothesis, and to

evaluate the consequences of possible sterio cffectb which have been pre-

viously discussed. A discussion of the activation energies in a mixed

solvent is undertaken in Part B of this section.

Sumnarizlng the factors contributing to tlie observed trend in

activation energies, it is proposed that steric eft-ects play a relatively

minor role, tliat the activation energies follow the trend expected froQ

the B-N bond strengths, but that In addition a most iiiqxjrtant effect is

the stabilization of the methylamEaonium ion part of the transition state

by hydrogen bonding in the aqueous solvent.

B. Kinetics in the 50 per cent 1-propanol-water mixed solvent

The kinetics of trimethylamineborane in 1-propanol-water v/ere con-

siderably different at large trimethylamineborane concentrations than
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those at low concentrations, and the kinetics for these two cases will

be discussed separately.

Trijnethyl* and dimethylaiaincborane concentrations greater than

0.300 M. The kinetic data for the acid hydrolysis of tri- and dixaethyl-

anineborane show a linear fit to the second order rate expression pre-

viously discussed. Dimethylanineborane kinetics were not investigated

at low concentrations, but the trimethylamineborane kinetics do not obey

the second order rate expression at concentrations around 0.02 H.

The 1-propanol-water azeotrope used in the experiments contains

71.7 per cent 1-propanol and 23.3 per cent \7ater, by weight,^^ ^g pre*

pared in Part A of the experimental section. The volume ratio of the

azeotrope contains 73.8 per cent 1-propanol by volune, as calculated

from the room ten^eraCure densities of water and 1-propanol. In each

e:q>eriment two volumes of the azeotrope were mixed with one volume of

the aqueous acid (giving a mixture of 50.6 per cent 1-propanol by volvsite)

and throughout tliis paper this mixture will be referred to as 50 per

cent 1-propanol-water.

A comparison of the rate constants found in the mixed solvent with

the rate constants found in the pure water is listed in Table 24 on the

following page, and shows the rates to be slower in the mixed solvent.

This is similar to the behavior found by ^schkewitsch^' in the acid

hydrolysis of trimethylamineborane in 20 per cent dioxane-water solutions,

and that reported by Kelly, Marchelli, and Giusto^^ in their investigation

of the hydrolysis rates of several amineboranes in 50 per cent dioxane-

water solutions. Rysclilcewitsch and Bimbaura,^" hCT-7ever, found an increase

in the rate of solvolysis of pyridineborane in 1-propanol-water soltuions

compared to the rate in pure v/ater. These authors used the solvents
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TABLE 24

COMPARISON OF THE SECOND ORDER RATE CONSTANTS CF DI- AND
TRIMETHYLAIONEBORANE IN WATER mo IN 50 PER CENT 1-PROPANOL-WATER

Methylnnine-
borane
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thetoselves ae the hydrolyzing acids, and this is probr.bly why the behavior

is different from the other cases listed above. The pyridineborane

solvolysis involves the dissociation of the adduct into pyridine and

a borane fragment as the rate determining step, whereas our data indi-

cate the rate determining step in the acid hydrolysis is the protonation

of the nitrogen atom of the anineborane.

Tlie decrease in rates in the mixed solvents may be caused by a

decrease in the pre-exponential factor, A. This factor can be related to

the entropy of activation, but definite conclusions based on entropy con-

slderatiwis would be difficult from the present state ot our knowledge of

the liquid state. The differences in the activation energies in 1-

propanol-water and In water only will be discussed on the basis of di-

electric and hydrogen bonding effects.

The effect of stabilizing the transition state more than the ground

state by hydrogen bonding has been discussed earlier in this section. It

was postulated tliat the trend in activation energies observed in the acid

hydrolysis of methylamineboranes can largely be ascribed to the differ-

ences in the heats of hydration of the methylaninonium ion portion of the

transition state caused by hydrogen bonding, the heats of hydration of

the methyleunine adducts contributing little* On thlb pasis, the transi-

tion states of the amlneboranes would be stabilized more than the amine-

bcranes themselves by hydrogen bonding with the solvent. Therefore as

the hydrogen bonding po\7er of the solvent is reduced, one would predict

a higher activation energy for each laethylamineborane due to the relative

destabilization of the transition states in the mixed solvent. Thus, in

the acid hydrolysis of di- and trimethylamineborane in 50 per cent 1-

propanol-water , we would expect a higher activation energy in the mixed
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solvent for both compounds tlian in water only. Moreover, the dimethyl-

amineborane transition state should be affected to a relatively greater

detgree than the trimethylaaijieboraae transiticm state by changes in the

hydrogen bonding power of the solvent. The activation energies obtained

in this investigation are listed in Table 22 on page 72, and it is seen

that, although the activation energy for dimethylamineborane in the mixed

solvent is higher than in pvire vrater, the activation energy of the tri-

methylamineborane is lower in the mixed solvent than in water.

We interpret these data to be the result of two opposing trends.

Decreasing the hydrogen bonding pot/er of the solvent tends to increase

the activation energy, with the sensitivity increasing from trimethyl-

to mononethylaiaineborane. However, decreasing the dielectric constant of

the solvent would tend to decrease the activation energy. This is due

to the relatively greater destabilization of the ground state con5>ared

to the transition state when the dielectric constant of the soxvent is

decreased. Now, the dilution of water with 1-propanol reduces both the

hydrogen bonding power of the medium and the dielectric constant. Re-

ducing the dielectric constant i*ould then destabilize the ground state

relative to the transition state and lead to a lower activation energy.

Bie acid hydrolysis of the amineboranes can be imagined as the

reaction between a small, positively charged, solvated proton and the

solvated amineborane dipole to form the larger, positively charged, sol-

vated transition state,

R2CH3N' • •BH3

H
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We can asstme that the positive charge on the transition state is raore

diffuse than that on the solvated proton, and consequently the solvated

proton will be destabilised more than the transition state by a reduction

of the dielectric coiastant of the solvent, lloreover, we might e:q>ect

this destabilization to be fairly constant throughout the laethylamine*

borane series because of the relatively siaall differences in the sizes

o£ the methylaaineboranes and their postulated transition states*

Eie observed trend in activation energies in the mixed solvent can

not/ be rationalised on the basis of whether the dielectric effect or the

hydrogen bonding effect is predominant. Tlie trimethylamineborane tran-

sition state is affected less by hydrogen bonding changes in the solvent

than the dimethylamineborane transition state, and therefore the effect

of clianging the dielectric constant of the solvent might be the control-

ling factor in determining the activation energy. Thus, in the 50 per

cent 1-propenol-water solutitm the hydrogen bonding power of the solvent

is reduced, but this is more than cor!5>ensrted for by the concurrent re-

duction in the dielectric constant of the solvent. The dimethylaraine-

borane transition state, being affected to a relatively greater extent

by the decrease in hydrogen bonding pa;er, could have a higher activation

energy in the mixed solvent than in pure vrater. In the case of the di-

methylamineborane, it is assumed that the dielectric effect is of the

same order as the triiaethylamineborane, but tliat the larger influence of

the loss of hydrogen bonding power leads to an iiKrease in the activation

energy in the mixed solvent over water. We would therefore predict an

even larger difference between the activation energies of monomethylanine-

borane in the mixed solvent and in water than the difference in activation

energies of dimethylamineborane in the same media.
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Triroethylamineborane concentrations belcwj 0,02 M« Originally, it

was decided to run the kinetics of trimethylaiaineborane in 50 per cent

l-propanol-water as a pseudo-first order reaction using a large excess

of Jiydrochloric acid and following the reaction by the loss of reducing

pcjGv of the solution. However, reproJtxible data could not be obtained,

Tlie unexpected behavior of these solutions will b^ discussed along with

the iiaplications of each experinent. A brief suiamary of these reactions

is listed tn Table 25 on the following page.

The upper curve in Figure 20 on page 8Q is the pseudo-first order

plot of reducing strength versus tiuie for the hydrolysis of aporoxiinately

0.02 M trimethylaiaineborane and 1.0 M hydrochloric acid in 50 per cent

1-propanol-water at 31.4°C. This type of deviation from linearity could

be caused by the build-up of intermediates of the type BI^OR and BH(0R)2»

or R2CH3NBH2OR and R2CH3NBH(OR)2» If these intermediates were pras^n^:,

then an analysis. of the reducing pot/er of the solution would erroneously

attribute these reducing equivalents to unreacted trimethylnmineboiane.

From the results of the experiiaents outlined below, we would lilce to

eliminate the possibility of intermediate build-up.

If we assume tliat the oechaniKn of the reaction involves the

loosening of a B-N bond in the transition state to form the amniraiium ion

and a borane fragment, and that the borane fragment then forms inter-

mediates with the solvent, then the other methylaraineboranes as well as

diborane iwuld be eiqiected to form tlie same intermediates . Kiese BIi,OR

and BH(0R)2 intermediates would also be expected to liave the sanie reac-

tion rates, regardless of the Let^is base to triiich the borane fragment was

originally attached. Solutions of dimethylamineborane and diborane with

with approximately the same initial concentrations as those used in the
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TABLE 25

SUMMARY CF THE EFFECTS PRODUCED BY VARYING CCNDITICKS IN THE
ACID HYDROLYSIS (F TMAB AT LOW COIICENTRATIONS IN

50 PER CENT 1-PROPANOL-WATER

Condition varied Effect on rate

Added solid THAB to spent solution

Added allyl alcohol tc fresh solution

Added allyl alcohol to spent solutirai

Added trimethylacmonium ion and boric
acid to fresh solution

Used alcohol distilled froin a spent
solution

Used alcohol solutioii in which tri-
nethylaramonium ion, boric acid,
and hydrochloric acid had sat
for twelve hours

Il£>rked decrease

No change

No change

No change

Slightly accelerated

No change
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trimeChylamineborane hydrolysis were prepared. Tlie reactions with these

two cotDpoimds were very rapid, and over 90 per cent of the reaction ex-

hibited no tendency to slow to a rate comparable to that of the trimethyl-

amineborane. We therefore concluded tliat if our laechanism is operative

in the acid hydrolysis of trlmethylamineborane in 1-propanol-water solu-

tion, there was no build-up of oxidizable intejnaediates of the type

BH2OR and BH(0R)2.

If the intenaediates t/ere of the type R2CH3NBH2OR and R2CH3NBH(OR)2,

then the stoichiometry would be different from that originally proposed;

i.e.,

R2CH3NBH3 + IT + SHjO > B(0H)3 + 3H2 + R2CH3Nir''.

Aliquots were reooved from an acid hydrolysis in 1-propanol-water of

similar concentrations to the original experiment with trimethylamine-

borane, and these aliquots were simultanQOu:>ly analyzed for reducing

poi/er by the iodate method and for boric acid, hydrogen ion, and tri-

methylamaonium ion by a potent icanetric titration. This analysis showed

that for each six equivalents of amineborane used, one mole of hydrogen

ion was used, one mole of boric acid was produced, and one mole of trl-

methylanmonium ion was produced. Tills appears to confirm the stoichio-

metry originally proposed for the acid hydrolysis. We therefore elimin-

ated a build-up of this kind of intermediate as an explanation of the

behavior exhibited by dilute trimethylamineborane hydrolysis in alcohol

solutions.

The lower curve in Figure 20 on page 88 was obtained from the data

when solid trimethylamineborane was again added to the solution originally

used to obtain the upper curve, and in wliich react i<»i had gone to
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completion. The rate was now markedly slower and fitted pseudo-first

order kinetics. This could indicate a retardation of the rate by one of

the products of the hydrolysis. A solution approxiiaately 0.02 molar in

triaethylarrraoniuEi ion and boric acid was prepared in 50 per cent 1-

propanol-water. Solid trinethylaraineborane was added to this solution;

no loss in reducing power was observed over a five hour period. This

indicates that the triraethylamineborane itself does not react with the

products of the hydrolysis. A 50 per cent 1-propanol-water solution was

made 1.0 M in hydrochloric acid and 0.02 M in boric acid and trimethyl-

aDsiX)nium ion. Solid trimethylamineborane was added to the solution; the

kinetic behavior of this reaction iims the came as the behavior of the

reaction in a fresh solution without addition of reaction products. Tliis

evidence appears to eluninate the possibility of rate retardation by a

product of the hydrolysis.

Another possibility of rate retardation was that the hydrogen ion

concentration v/as being depleted by an equilibrium which vras slow to be

established relative to the half-life of the reaction, A 50 per cent

1-propanol-water solution was made 1.0 M in hydrogen ion and all«-7ed to

stand overnight. Solid trimethylamineborane was again introduced, but

the behavior did not cliange. No change in the behavior was observed when

solid trimethylamineborane was added to a 50 per cent 1-propanol-water

solution containing 1.0 M hydrochloric acid, and 0,02 M in trimethyl-

ammonium ion and boric acid. It was concluded that the hydrogen ion con-

centration was not being depleted in the initial stages of the reaction

by an equilibrium.

If there were an equilibrium between the acid and the alcdio}

and a competition of these txro acids for the amineborane, a second order
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rate expression would result anyxray. Consider the equilibrium constant

Keq « [ROH2"^][H20]/[ROH][H30+],

v;liere R is the n-propyl group. Assuming the [H203/[rOH] = 1/K ratio

remains constant, then [ROI^ ] equals K' [H3Cr*"] . Tlie t\fo corapeuing rates

are given by the equations

XMAB + HgO"*" ^'1 > H2 + products and

IWAB + aOH2'*' ——> H2 + products.

The rate expression is then givai by

rate «= k^ [TMAB] [H30"*^ + k2 [TMAB] [R0H2"*'] .

Substituting the [rOIIj"^] in the rate expression, we arrive at

rate = kj [TMAB] [VLrfl'^] + k2K' [TMAB] [H3O+] ,

or factoring,

rate = [TMAB] [H3O ] (k^ 4- K*k2)

.

Since 0^1 + J^*^) is also a constant, this type of equilibriian should

also give second order kinetics. Tlierefore this line of reasoning cannot

explain the tjrpe of behavior observed.

Atteinpts were made to determine the initial rates of the reaction

while varying one concentration and Iceeping the other constant. How-

ever, reproducible results could not be (Atained.

The next possibility investigated was that an impurity in the alco-

hol might be accelerating or retarding the rate of the reaction. It was
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found that the rate constant of the linear loiter curve in Figure 20 is

about 0.0034 tain,""'-. Converting this pseudo-first order rate constant,

ki, to the second order rate constant, kn* by the relations

rate «= kjElMAB] and

we get 5.6 X lO"^ liter/mole/ sec. as the second order rate constant. This

is the same order of taagnitude as the rate constant calculated for the

hydrolysis of the amineborane at higher concentratixms in 30 per cent 1-

propanol-tmter at a coiti|>arable temperature, Therefore, it was assumed

that there was an initial acceleration of the rate rather than a sub-

sequent retardation.

To eliminate a small in^urity v/hich might react rapidly with the

amineborane, reagent grade 1-propanol was treated with hydrochloric acid

and trimethylanineborane. VJIien the gas evolution had ceased, the solution

was neutralized with potassium hydroxide and then distilled. The azeo-

trope previously ir«ntioned was collected. The rate curve in solutions

made with this alcohol was very similar, but not identical, with the

original rate curve. Tlie hydrolysis of the spent solutions behaved the

same way as the spent solutions in the lower curve of Figure 20.

According to the literature^^ .:llyl alcohol might be a possible

contaminant, but the addition of allyl alcohol had no effect on the ve-

havior of the hydrolysis in spent solutions or in fresh solutions.

Reagent grade 1-propanol was dried over calcium sulfate and then distilled.

A vapor phase chromatograph showed only one peak wliich indicates a rather

pure solution. Ifydrolysis in spent and fresh solutions of this alcohol

showed the same behavior as previous experiments. It should be pointed
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out that at the lower concentrations of trimethylotnlneborane u&ed, an

impurity concentration of only about 0.5 per cent could cause the observed

behavior. As the initial concentrati<m of trimethylanineborane is in-

creased, the initial fast portion of the reaction extends over increas-

ingly soaller percentages of reaction until, finally, at larger triiaethyl-

amincborane concentrations the fast rate portion is no longer observed,

and the reaction behaves according to a sinq>le second order rate law.

Prom these observations it is concluded that an entirely different

mechanisia is operative, or that an impurity is being regenerated in ULa

alcohol distillaticxi. As discussed in the first part, the kinetics of

trimethylanineborane ±a 50 per cent 1-propanol-water solutions behave as

eiqpected at higher concentrations.

C. The distribution coefficient of monomethylamineborane between water
and benzene

Because of the high solubility of mononiethylainineborane in water

and the rathor cuc±>ersot3e preparative procedures, it was decided to

determine the heat of solution of the adduct in t^ter by an indirect

method. Consider the equilibria below, wiiere the K's are the distribu-

tion coefficients, y and x are the degrees of association in unsaturated

and saturated aqueous solutions, respectively, and w and v, in the

benzene, respectively.

^(eolid)

^^(solid)
_ik

°Ay(aq.)

A

^(org.)

x(nq. , sat.)

A

^ Av(org., sat.)
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Tlie distribution coefficient at saturation is

K^ o t^Jaci.. sat.

[Ay] org., sat.

and at unsaturation is

Ku ° ifiSli .

i^Jorg>

Assuming that K^ = Kg, and taking the logarithm of the equation, we have

mln[Ay]aq, - nlnM Qj-g . •= InfAjaq., eat. - l^^Ar^org., sat. 0^

Differentiating the eqiiation with respect to 1/% where T is the tempera-

ture, we get

d(l/T) ^"^Vaq. -^ "^ d(l/T) d<l/T) ^"^"^^org. ""

^d/T)

„ ^^"tA,Jaq. sat . ^^"KrJorg.. sat .

d(l/T)
"

dCl/T) ^ ^

dia
Assume that m and n are not tanperature dependent, so that ~r7TJZ\ and

dn
dd/W ''^'^^ zero, then

din [Aylag. ^ din [A^^] org. ^ dlntA^lgg,^ ggt. ^ dln[Ay3org,^ ggt^

d(l/T) d(l/T> d(l/T) d(l/T)

(3)

Tlte right liand terms of the eqxiation can be related to the heats of

solution by the procedure outlined below for the aqueous case.
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=^(8) ^
^^

'
^ ^i(aq., sat.)

Kgq, = fA^laq., sat.^ assume [A^gj]^ = 1

' ' *eq. " Waq. , sat.

dC " -RTlnKeq. « -RTln[A,Jaq.
^ sat.

AH - T S » -mnlAJaq.. sat.

Differentiate with respect to 1/T, assuiaing AS 5* f (T)» although AS

is probably a function of T.

AIL = .R
d^-"tAx3aq., sat.

^^* dd/T)

The heat of solution in benzene can be found by an analogous procedure.

Substituting the heats of solution for the terms in the right hand side

of eqiiation (3) , we arrive at

d(l/T) d(l/T) R R (4)

Assiaoe that over the given teniperature range, the degrees of association

change in such a way that the ratio m/n = 1 is essentially maintained.

Therefore, the eqiiation becomes on rearrangement

d ini^skat

AHaq. = ^^g. - Rn ^^hrp,,

d(l/T)

or Aa,^ » AfL^„ - Rm ^ (5)"*^q. "*'Org. d(l/T)
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It is seea that the heat of solution of iiKjaomethylaiaineborane can

be approximated from the heat of solution in bens^ne and the slope of

In Kjj versus 1/tenperature.

We therefore obtained the solubility curve of inonomethylamine-

borane in benzene, shown in Figure 18 on page 63. Tlie heat of solution

calculated from the least sqtiares slope of the line was 7.32 kcal./mole.

This experiment also led to the cryoscopic experiment which is dis*

cussed in part D.

Tlie distribution coefficients were calculated for several tempera-

tures assuming that n = n «= 1. These data are listed in Table 26 on the

following page. The plot of the log K^ versus 1/temperature is shown

in Figure 21 on page 98. It can be seen that the precision was rather

poor. The average K^^ value for each temperature was calculated, and a

straight line was drawn through these average points. The value of

-R d log Ku/d(l/T) v/as calculated to be -1.01 Ucal./raole from the least

squares slope of the line. Adding this value to the 7.32 kcal./mole

found for the heat of solution in benzene, we arrived at an approximate

value of 6,31 kcal./mole for the heat of solution of monomethylaiaine-

borane in water.

Due to the lack of precision of the data and the assumptions we

nade, it was decided to use a more direct approach. Noth and Beyer s

data indicated considerable and varying degrees of association of the

amineboranc in water and benzene, and we were reluctant to trust our

approximation.

The heat of solution of monooethylamineborane in water V7as deter-

mined directly by using microtechniques; the solubility curve is shotra

in Figure 15 on page 60. Tlie heat of solution calculated from the least
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TABI£ 26

DISTRIBUTION COEFFICIENT FOR MMAB IN BENZENE AND WATER

Distribution
coefficient, K^ log Kq log K^^ avg. 1/T» ^^^ k °K."^

1.6600 3.322

1.6797 3.381

1.6863 3.434

1.6971 3.432

1.7059 3.531

1.7238 3.595

46.47
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squareB slope of the line is 6.26 kcal./tnole. This apparent agreeraent

beti/een the tx/o tnethods implies that our assumptions may not be too

bad, and that the degrees of association, m and n, are close to unity.

The association of monomethylamineborane in benzene is greater than the

association in water, according to Noth and Beyer, and since the con-

centration in water is 40-30 tintes greater than tl^t in the benzene,

both m and n may have been approximately equal to one. Our data also

seem to indicate that the ratio and the degrees of association themselves

do not change very much with a change in tenf>erature.

D.
^

Tlie cryoscopy of monooethylamineborane in benzene

As mentioned above in part C, we had occasion to drtenatnc the

solubility of monomethylamineborane in benzene at various temperatures.

However, cryoscopic data obtained by Noth and Beyer^ on the association

of the alkylamines in benzene iii;>lied that mcmcanethylamineborane had a

much higher solubility in benzer.a then we had observed by direct measure-

ment. We therefore decided to repeat their e3q>eriment on the association

of the monomethylamineborane in benzene.

The van't Hoff factors, i, were calculated from the espression

m»K£/z^oJ where m is the molality in grams of solute per 1000 gm. of

solvent, Kf is the cryoscopic constant for benzene, and /^^Iq is the e:q>eri-

mentally observed freezing point depression in degrees Centigrade. Noth

and Beyer list i values up to 2.15, corresponding to a molality of .107.

Our data indicated that the solubility of monomethylamineborane in

benzene near the freezing point of the solution was around 0.08 molal.

The molarity determined at room temperature was converted to molality by

dividing the molarity by the density of benzene at 25°C. The density

at this temperature was calculated from a linear interpolation of the



100

densities of benzene at 20 and 30°C.^ The value calculated was 0.874 g./

ml. It was thought that we could confirm our solubility curve if we

observed no change in the freezing point depression of solutions greater

than 0.08 laolal. Tlie data obtained arc listed in Table 27 on the fol-

Iw/ing page, and these data appear to verify the fact that the solution

is indeed saturated above concentrations around 0.03 molal. To deter-

mine the laolality of the solution at saturation, the observed freezing

point depression was subtracted from the freezing point of pure benzene.

The freezing point of the satv.rated solution v/as calculated to ba 5.25*^C,

Tlie concentration of the saturated solution was then found from the

solubility curve in Figure 18 on page 63, by extrapolation at this teca-

perature, to be 0.0774 nolal. The i values calculated from this molality

and the constant freezing point depression value found above this con-

centration, gave a laaKimuQ 1 value of 1.40. A coiiq>arison of the i values

found in this v/ork and thoee fouttid by Noth and Beyer are listed in

Table 27, as well as i values calculated using our data and neglecting

the saturation. A comparison of these various i values versus molality

plots is illustrated in Figure 22 on page 102.

The sources of error which would lead to high i values in Noth's

work or low values for the observed freezing point depressions are diffi-

cult to assay and highly speculative. Any error due to an impurity in

the laonaaethylamineborane would depend on the type and molecular wxJighJ:

of the impurity. Less obvious and less lilcely sources of error also in-

clude the possibility of supersaturated solutions, conqxjund hydrolysis,

an inaccurate thermometer, and varying degrees of water ccKitamination

of the benzene.
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TABLE 27

CRYOSCOPIC DATA FOR MONGMETHYLAIUNEBORAKE IN BENZENE

Molality at
250c.

a
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CO

0)

to

>

Saturation
considered

0.03 . 12 . 150.06 0.09

Molality

Fig. 22. Plot of i Values vs. Molality for MMAB in Benzene
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If the 1 values were calculated on the basis of the molality at

room tcc^erature, without cuspectitig tliat a saturaued solution was

present, high i values irould be obtained, but a constant freezing point

depression should have been observed for the higher concentrated

solutions. This behavior is not indicated in Noth's study.

The most probable error, in our opinion, is the lack of experi-

mental i^ints in the saturated region. According to Koth's plot of i

versus molality, only four ejq)erii3ental points are indicated. Two of

these points are below the saturation conc^itration, one is above, and

one is very near our calculated saturation concentration value. There-

fore it is very possible that the freezing point depression of the two

latter points were different. If only one point were taken in the

region of saturation, and if the molality of this solution i/ere calcu*

lated by a weighed amount of solid added, then tlie expected freezing

point depression would be too high. This in turn would lead to an ab-

normally high i value for this point. The i versus m curve for the

monoiaethylamineborane in benzene would then be different from the curve

given and might show the same beliavior as the other monoalkylamine-

boranes, although actual measurements in this region would be impossible

to obtain. Noth and Beyer's i values are slightly higher than ours,

but we believe the significant point to be made, is that our data show

tliat i values for the association of monomethylamineborane in solutions

above approximately 0.08 iiK)lal cannot be e:q>erimentally determined.

In an article on the dipole mcnoents of the methylamineboranes in

benzene,^' the autliors mention an unexpectedly Ion dipole moment differ-

ence between the monomethylamineborane and the other amind>oranes

,
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cotapaved to their data on the association phenomena. Our results in-

dicate that the association of oonomethylamineborane in benzene is less

II

than that found by Noth, and therefore this discrepancy between the

dipole moment data and the association data reported by Noth may not,

in fact, exist.



CHAPTER V

sJMmx

The kinetics of the acid hydrolysic of mono- and dimethylanine-

borane liave been studied in water, and the acid hydrolysis of di- and

trimethylamineboranc lias been studied in an aqueous solution containing

50.6 per cent 1-propanol by volume. The activation energies for each

case i/ere determined from the slopes of the Arrhenius plots.

The heats of hydration of looao-, di-, and trimethylamineborane

i*ere calculated from experimentally determined heats of solution and

literature values for the heats of vaporization. The heat of solution

for oonomethylamineborane iras determined directly from the solubility

curve in water, and indirectly from the distribution coefficients in

water and benzene and the solubility curve in benzene.

Tlie freezing point depressions or nononethylanineboraue in benzene

were determined at several concentrations* Van't Itoff factors were then

calculated and compared to values in the literature.

The results obtained show that the ccid hydtolyses in both media

are first order in amineborane concentration and first order in acid

concentration. The activation energies in water are 21.2 and 15.8

kcal./nole for di- and monoiaethylamineborane , respectively. Tlie acti-

vation energies in tlie mixed solvent are 22.0 and 23.4 kcal./mole for

di- and trimethylamineborane, respectively. The trends exhibited by

the activation energies in the two laedia have been rationalized on the

basis of changes in the dielectric constant of the media, changes in the

105
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hydrogen bonding pcK<rer of the media, and differences in the hydrogen

bonding capabilities of the transition states con^ared to the amine-

boranes themselves.

The heats of hydration of mono-, di-, and trinethylamineborane

are -12,5, -12,9, and -9,1 lccal,/mole, respectively. It is proposed

that the relatively greater clianges in the heats of hydration of the

transition states cotspared to the ground states are a major factor in

the activation energy trends.

The freezing point depression data indicate tliat the moncMuethyl-

anineborane-benzene solution is saturated at concentrations above 0,08

molal, at the freezing point of the solution. It was concluded tliat

the van't Hoff factors for monomethylamineborane in benzene, which are

given in the literature, have been erroneously reported.
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