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/
. ' 'ABSTRACT ‘
The hydrogen bihalide ions XHY , where X,‘Y =
F, C1, ér/or I were studied in aprotic solvents by nmr
;pectroscopy_ The lH nuclear shieldings in éil ten bihalide
ions, and the l9F shieldings and H-F couplina constants g
in the four fluorine-containing bihalide ior+ were determin-
ed. The H-F coupling was also observed for hydrogen fluor-
ide dissolved in a few aprotic solvents.
Soiution;‘containing FHF = were prepafed from tetra-
eihylammoﬁiﬂmﬁor petrabutylammonium bifluoride salts. The
solutions containing the other bihalide jions were prepared
by édding a tetrabutylammonium halide to a dilute solutiég
of a hydrogen halide. A gquantitative proton £ransfer:reaé~
tion occuréfif the halide ion is a ?tmonger base than the
conjugateﬁba§e;§f the hydrogen halide. ‘

‘ The shieldings of the bihalide ions were obtained
bypaﬁalysis of the haliae ion concentration depeﬂdence of
the observed shieldings, which are Averag?d by rapid ex-—
‘change. . However, in most cases the ﬁ—Fvcoupliné was nb£
averaged by rapid proton exchange. The association cons-
tants for the formation of most gihalide iéns were large
and the shieldings and‘coupling‘constants of these. complexes
could'be,directiy observed. , ,I

The,lHushieldinés of a hydrogén:ﬁalide'decreéées-
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on the formation of bihalide ions and the lafgestvchaége “ %
occnrs on the formation of :che homobihalide ion, XHX%?{ In’ s A
all four homobihalide ions, the shieldings are about 14 pom
less than that of the-oorresponding hydfogen halide in the

gas phase. A description of the shielding in terms of

¥

‘E

atomic contributions ‘indicates that the hydrogen charge
density in the homobihalide ion is less than that in pnef

corresponding molecule.

. The formation of a hydrogen bond to the electro-
\*

2y

philic, hydrogen of hydrogen fluoride is shown to result in

19

a decrease fn the F shielding. Thls=deorease is consis-

tent with that observed in %BC, 14N and l’7“0 proton.donors
" involved in hYdrOgen bonds, but it cannot be explained in

terfms of a simple model involving the change in the para-

magnetic shleldlng of fluorlne as the polarlty pf the H-F 7. \
bond changes. } |
7 The flrst examples of - the efﬁept of hydrogen bond—
ing on the H ~F coupling oonstant of hydrogen fluoride are
reported. Avlarge decrease 1n J (HF) occuns on the fonmatxon
of a blhallde ion. These coquing constants are: FHF ,
120.5 + 0.1 Hz; FHCL™, 403.4.4 012 Hz, FHBr , 427.1 t 0.2 Hz;,
and'FHI_,'437 t: 5 Hg. The coupl;ng constant of hydrogen

fluorlde dlssolved in a feﬁ*ba31c solVents was observed to

-

decrease as the base strength of the solvent increases. The

-

1ncreasé in the 1on1c character of the H-F bond is sudgested
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CHAPTER 1

INTRODUCTION \

\

T
The hydrogen'bihalide ions are a class of

3
hydr%gen-bonded anion-molecule complexes of the form XHY ,
where X and Y are halogens. The best known of these com-
plexes is the hydrogen bifluoride ion, FHF , which con~
tains the strongest hydrogen bond known (1). This anion‘u
is stable in a variety of ionic cryetals and has been
e*ﬁensively studied by e variety of techniques (2-4).

| In 1909, Kaufler and Kunz (5) reported the syn-
thesis and analysis of a;large number of hydrogen bihal~
ides and correctly deducedﬁeokh the ionic nature and the
order of the atoms in the XHX_'moiety. This paper appears
to have beenroverlooked and it was pot until 1954, when
the isolation of tetraethylammonium hydrogenibichlgride
was reported (6); that an active interest in these com—:
pounds developedf , . /

The impetus for, the interest in thé;hydrogen /
bihalide ions can' be attributed to their relevance in tﬁe
major areas. Firstly, the triatomic XHY' anion repreSents Lo
the 51mplest framework w1th1n which "hydrogen bonding can.
be studied. - These anions can be readily studied in solid
compounds or in soLutlon and, they provzde excellent ex-
3

amples of strong hydrogen bonding. Secondly, the forma=-

, I , ‘ .

tion of ion-molecule hydrogen-bonded complexes has been
. loA : "

- ) i . L«n

’ [

{.



2.

fouﬂd to play an important role in the solutioa chemistry
of aprotic solvents. Recently a c?mprehensive review of
acid-base behavior in aprotic solvents has been published
(7). The behavior of acids in aprotic solvents very often
involves a proton transfer to a base followed by the for-
mation of a hydrogen~bonded c&mplex between the conjugate
base formed and the acid. Kolthoff (8) has coined the
phrases, homoconjugation and heteroconjugation, to dis-
tinguish reactions infolving an ac?é and'its‘conjugate
base from reactions involving an adia and the conjugate
base of a different acid. A-similgr procedure will be
used here to distinguish the hydrogennbihalide ions of

the form XHX from those congéining two d@ifferent halogens.i
The terms homobihalide and heterobihalide will be us;d,té'
designate these two c;asses of hydrogen bihalides.

;.
Y

1.1 Properties of the Hydrogen Bihalide Ions

" An extensive survey of the literature on the

hydrogen bihalide ions will not be prgsented here since
- Er 0

there are recent reviews available (3,4,9). However,
- since the intéppretation of the nmr results depend on the
Structure of these ions and the hydrogen bond strengths,

: SN
these aspects will be reviewed.



|
1.1.1 Structure

The halogen halogen distances have been deter-
mlned only for the four homobihalide lons (ld~12) In

each case the distance is about 0.5 A shorter than twice

¥

the van der Waals radius of the corresponding halide ion, '*

The position of the hydrogen atom/has been firmly"’

established only for the hydrogen biflubride ion. Hamilton
and Iﬂérs”(Z) have presénted the évidence supporting the ;
centrosymmetric structure of FHF and have discussed the

.z . . L A , : L ;oa - A "
difficulties involved in the structural determination of

-
L

potentially symmetric hydrogen bonds.
Evans and Lo KlS) have}obtaiqgg\infraredwspigffa
of a large nﬁmber of crystals containing the C1HC1 or
C1DC1l™ ions. They found that the Vefy'broad absorption
bands attributed to th¥ C1HC1™ ion were considérably per-
turbed by its environment in the crystals. ?here'appeared
to be‘two,kindg of bichloride ions in ¢rystals.  Type I ﬁ
consisted of the cesiunm, tetrhmethylammbqium,iand hexa- .
decyltrimethylammonium salts, and Type II cbﬁ;istéd of the
tetraethylamménium, tetrap:opyiammonium, and tetrépentyl—
ammonium salts. The unusual crystal CsCl 1/3(H30~BC12) has
also been found to be of Type II. (14). The tetrabutyl-
ammonium bichloride was élassed as intermediate between
thesé fwo types.' In solutlon, the bichlorlde spectra were

essentially 1ndependent of the catlon and closely resembled

N

A



the solid-phase spectra of the Type 11 salts.

Evans and Lo tentatively concluded that the bi-
'chloride ions in the Type 1 salts have a linear asymmetric

structure (C"wV symmetry) , and those in %ype II salts have

-

a centrosymmetric structure (Dmh symmetry) .
Subsequent studies on CSHCl2 have shown that

the bichloride ion in this salt cannot be centrosymmetric.

At

Nibler and Pimentel (15) observed a weak peak in the

2 spectrum at about 600 cm-l which sharpened and

- increased in intensity when cooled to 20°K. “They assigned

CsHC1

this feature to the fgndamentalxbending frequenéy, DY )
and reassigned the much more intense feature at 1200 cm 1
to the overtoge, 2v2, rather than to the fundamental as
previously proposed~(13). The'enhancement of the over-
tone was explained in terms of the abnormally large dipole
second derjvative which occurs in the hydrogen bonds s
because of the 1arge charge mobility along the bond (15).
Nibler and Pimentel proposed, on the basis of the symmetry

requirements for the enhancement of the overtone, that

-

Type I ions have either Coy ©F lower symmetry' In,lastlc

neutron scatterlng studies (16) have conf1rmed this

’

81gnment of‘v; in CSHC12¢ In additlon these studies

found that the symmetrlc stretchlng mode involved the motion

of‘the hydrogen atom, whlch cannot occur in a centrosym-

.‘metrlc blchlorlde ion (17 18) ‘ 'H“i “ . ;

-

. ; o S ’ ‘ ~
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The evidence relating to the structure of the

bichloride ion in Type 1I salt is less conclusive. An
X~-ray study (10) found that the bichlori{e ion in ngl-
1/3(H30~HC12) is in a symmetric enviro t, and the
interpretation of the infrared and Raman spectra indicated
that the‘bichloride ion has a centrosymmetric structure

in the crystal (14). The only other crystallographic

B ,
study (12) of a crystal containing the bichloride ion

found that the bichloride ion in the Type I tetramethyl-
ammonium salt ie not in a symmetric environment.

Evans and Lo's (13) cla381ficat10n has been sup-
ported by the nuclear quadrupole resonance studies of

these bichloride salts. In the Type I salts, tetramethyl-

ammon ium (19,20) and caesium (20) bichlorides a single

signal was. observed at approximately 20 MHz for the 35c;

resonance. In the Type II salts, tetraethylammonium
blchlorlde (19,21) and CsCl- 1/3(H O- HCl ) (20), a single

%esonance was observe@ at. approxrmately 12 MHz., A semi-

(e A

empirical calculatlon (19), based on a linear asymmetrld

b
,%tructure for Typewf bichloride ions, predlcted a second

i,

respnance below 10 Mgz This predlctlon could not be

cessible to the spectrometer. Using the same empirical
LY
parameters, the resonance frequency for the centrosym-

. ,metrlc case was predlcted to be 12.8 MHz. The self- -

-

A

:verlfied_because the frequencies below IQ-MHz were inac- o



6.

consistency of these calculations lends further support

to the postulaté«that the chlorines in Type I bichloride
ions are nat equivalent and that they may be equivalent

in the Type II ions.

The hyhrogen bibromide ions have been less
extensively studied. Evans and Lo (22) observed the same
TypevI—Type I1 classification for the tetraalkylamonium
bibnbmides and the compound CsBr‘l/B(H3O-HBr2) has been
classed as Type II (13). It is not known whether the
biiodide salts also exhibit this behavior.

Milligan’and Jacox (23,24) have contended that
the spectra assigned by Pimentel and coworkers (25,26) to
the hydrogen bihalide radicals isolateq in argon matrices
should be assigned to the anion XHX . Both:groups agree
with the interpretation of the spectra in terms of a cen-
trosymmetric structﬁré for the triatomic species. The
%fundamgntai frequencies assigned to v, and v&-for CIfiCl
and BrHBf,:gr‘for the corresponding anions, are almost
identical to ;ﬁose for’the Type II bihalide ions. What-
ever the outcome of this controversy, these studies do

indicate that the unperturbed configuration of these spe-

cies is of th symmetry.



1.1.2 Hydrogen Bond Stréngﬁhs

The change in enthalpy, AH, for the reaction,

R, NXHY

(1.1]  HX (crystal) 4 (crystal)

(9) + RNY

where R is an alkyl group has been measured for several
hydrogen bihalide ions. An enthalpy change of ~37 kcal &%
mole"l was measured for the forqggion of tetramethg%r
aﬁ&onium bifluorides (1). The megnitude of AH for ;he
formation of the other homobihalides.ﬁas found to increase
as the size of the tetraalkylammonium cation was-increased
and AH appeared to .approach a limiting value for the
tetra-n-butylammonium gation £27)% These limiting values
of AH are tabulated in Table I. " ﬁ

Calorimetric measurements have been recenQ}y

carried out for tﬁe formatlon of the bihalide 10nq§§gr&vqﬁ

Sy 2

from HC]l. in sulfolaﬁe (28). The observed enthalpyﬁchangee3

were 1ned with the solvation energy of HC1l to ob%afn

. a g.-
the AH for the reaction, ‘ 4. L
(1.2} HCl.g) + Bu Nx(solutlon) ' Bu4NCle(aolut10n)

‘where Bu4N+ is the tetra-g-butylammOnium cation. The

values of AH obtained are tabulated in*Table I.
The strength of a hydrqgen bond is best defined

as the AH for the formation of the hydrogen-bonded%com-

i

| plex in the gas phase. The enthalpy changes observed 1n



o
Table I. Ch;nges in enthalpy for the formation of
the hydrogen bihalide ions.
7 AH, kcal.mole 1
Ion '
Equation [l.l]a Egquation [1.2]b gasC
c1HC1™ ~14.2 . -13.9 -24
C1HBr |  -10.7 ~16
C1HI ™ -8 \
; "BrHBrr- -12.8 -18
IHI -12.4

a. Reference 27:

b. Reference 28.

c. Reference 32.



" solution to these equations gave a AH of -60 kcal mole

\
13

&

) / 9.
o 5,

reactions squn in Equations [1.1]) and [1.2] differ from
those for a,fbtally gas-phase reaction by the differences
between the“érystal or solvation energies of the bihalide
salt and the halide salt. %Qere is evidence that these
energy. diﬁferences are apprecigble., Waddington (29) has
,correctedjthe observed enthalpy changes for the formation
of the alkali metal bifluorides in the crystal b& calcu-
lating the ch;nges in the crystal lattice energies and
obtained a value of -58 * 5 kcal mole-l. These calcula-

tions Have been recently refined (30,31) by considering

the charge distribution in FHF rather than treating FHF
i

. as a siﬁ@le ion. An expression for the gas phase AH was

derived fox the formatlon of each alka11 metal bifluoride
T
as a functlon of 'the charge separation in FHF . The best

\
-1
‘ ‘ ,
and a chargé of -0.73 esu on the fluorine. '
. g \

Kebarle (32) has measured the equlllbrlum con-

*

stant for the reactions of the form,
‘ ?

[i.31~ \ 'X°(Hx)n_l" + HX ==————= X" (HX) |

Ao »
&

‘ 0
in the gas phase as a functlon of temperature using a

mass spectqomp;er. Unfortunately,,at the temperatures'

‘xequired‘tq Qbserve the césefwhere_h=l, Aﬂ»couid not be

‘. "r‘ .4‘ i ) o o . E “w
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measured. - However the AH's given fn Table 1 were esti-

<

mated by extrapolating from the results for higher com-
. plexes. These results are significantly larger than those

observed for the formation of the bihalide ions by Equa-

|
° |

|

tion [(1.1] or ([1.2].

1.2 Nmr Studies of Hydrogen'Bonding

The parameters which can be mosthconveniently.
obtained from high resolution nuclear magnetic resonance
(nmr) spectroscopy are the chemical shifts and the nuclear
spin - 8pin coupling constants. The interaction between
the applied field and the elec%ipns surrounding the nuc-

" leus produces a small magnetic field at the nucleus which

is usually opposed to the applied field. This "shield~

ing" - of a nucleus is defined by the relationship,
. '= Y _ . |
[1.4] vy ?F(l oi)HOI /

where Oi is the resonance frequency, H is the applled
magnetic fleld and y is the magnetogyrlc ratio of the
nuclecs ) o; is the shleldlng constant and the chemical
'“Shlft is defined as (0; - 9,) whete 0. is the shxeldlng
‘of the reference. The coupllng consta%t J(AB) (1n 1ts
'of Hz) arises from the magnetic interactlon between t

‘nuclear Spins which are coupled indirect)y by the elec-
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tronic environment, and is defined by the expression,

(1.5] Epp = b J(aB) I, 1,

where EAB is the energy of interaction bexween the two
nnciei with spins IA and IB (in dimensionless units). The
changes in the nuclear shieldings and coupling constants
which occur on the formation of hydrogen bonds provide a '
convenient and a 8ensitive method for investigating
hydrogen bonding.

»

’

1.2.1 1H Nmr Studies ‘ . i )
//7 Most nmr studies of hydrogen bonding in solution
have involved the measurement of the changes in the shield-. .

ing}gf the electrophilic hydrogen in the proton donor

molecule (33). The shielding of this proton is very sen- ,
i 2 \ «

sitive to the formation of a hydrogen bond and in virtually

every case, the proton resonance is shifted to lower field.

The only exceptions tp this behavior are connected with the
2

ﬁﬂ?
W

a33001ation to aromatic solvents which induce changes in:™

the shielding as a result of magnetic anisotropy effects (34).

| The magnitude of the downfield shift has be#n
found to be a useful qualitative meaenre of the relative
o strengths of the interactions between a proton dono;-and

various proton acceptors. Several linear correlations



ﬁ%g between these proton shifts and enthalpy changes have been

m b}
A

established but the quantitative applications of these

’

?§ correlations are rather limited (35). These correlations
. LSy , <
Qénéquire a.correction of the proton shifts for any neigh-

bour anisotropy effects (34) arising from the protom

acceptoxr molecule, because these effects are usually not
p , ,

related to the changes in enthalpy (35)}

' The chemlcal shlft q< the hydrogen bonded c
plex usually ‘cannot be dxre t}y served because the llife-
time of the complex is too short on the nmr time scal
T6~ob§erve both:the associgéediand unéssépiated states

’in an equildibrium of the form,
(1.6] XH + B =——> XHB

the lifetime of each state must beilcnqér than the recip-
rocal of the difféféhéé;in'the chemical shift (expressed
iﬁ frequency units) between XH and XHB ]iﬁﬁ? For a typl—
cal difference’qf 500 Hz, lifetimes. of g;eater than 10

sec woulé‘be required to observe, separate signals for fo

and XHB. As the llfetlmes becohe shprter, the increased

/
7

exchange rate results in-a broadenlng of the separate sig-
nals which coalesce into a single peak when_the lifetime

Teaches fhe value (36)
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where® Av (in units of Hz) is the separation of the two
signals in the absence of exchange. This formula assumes
equal population of the two sites. A further decrease in

the lifetimes results in a narrowing of the single peak

whose position corresponds to an apparent shielding given by

(1.7) o =t p; o,

L
i
where Py is the fractionai population of Speciés i with
shieléing 954 participating in the exch&nge.

In addition to the "whole molecule"” exchange
process of the protbn donor molecule between’the free
and complexed forms, intermolecularvprotonrexchange can
also occur, This is usually the case since the electro-
philic protons of most proton donors can readily undergo
intermolecular exchangé. This proton exchange process

will have no effect on the average shielding of HX and

=

XHB in Equation [1.7], if the solution contains no other
exchangeable protons. ThisieXCh;nge process can be

' detected in the nmr spectra infcases:wherg the electro-
hphilic proton ;s couplég to ano£her nucleus in the mole-
cule. Rapid proton exchange will cause a collapsé of the

multiplets arising from this spin-spin coupling into a

single signal (36).
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1.2,

of the heavy
atom nucleus at thé& Mydrogen bonding site have been

observed in “the limited number of cases which have been

studied. The 13Crshieldings of chloroform (38) dissolved

in a variety of solvents were measured relative to that

of a dilute solution of chloroform in cyclohexane. 1In
13C shieldings were observed to de~
14

basic solvents, the

U
crease over a range of 4 ppm. A similar study, of the N

shieldings in pyrroles, amides, and indole found a de-
crease of 1 to 15 épm when the N-H bonds act as the pro-
ton donors (39,407 . The decrease in the héavy atom shiéld—
ings were found to be linearly correlated with the cor-
responding decrease in the lﬂ shieldings, which strongly
suggests that the changes in .the heavy atom shieldings

are dominated by hydrogen bonding effects (38,39).
The effects of hydrogen bonding on the 15y

shieldings in ammonia .and amines, the 17

water and methanol, and the 19F shielding in hydrogen
- (

fluoride have been studied. Downfield shifts were observed

Ohshieldingéiin

.on going from the g;s phase -to the condensed phase for

water (41), ammonia (42), methylamine (43) , and hydrogen
- fluoride (44,45); The contribufiqns of hydrogen bonding
to these shifts are difficﬁlt to deduce since thése';ole-

cules can act as proton ‘donors' or acceptors, .and im ‘these

’



s,

-

highly associated liquids a molecule can be invdlved in
both roles.

The l?N shielding of ammonia, extrapolated to
infinite dilution, has been measured in several solvents,
mainly amines, alcohols, and ethers (46). 1In all'cases,
the 15N shielding of ammonia in these solutions was less
than the shielding in the gas phase. A simple empirical
model was used to separate the solvent dependence of the
15N shielding into several components. Large downfield
shifts (from 11 to 23 ppm) were attributed to various
interactions between the solvent and the nitrogen lone
pair, and small high field shifts (from 2 to 3 ppm) were
attribeeedzto the effects of hydrogen bonding between the
ammonia proééns and the solvent. The interactions between
the ammonia 1one;pair and the eCH3 ~C 2 5; -OH and ~NH
functlonal groups of the solvent and hydrogen bondlng
between the ammonia prot&ns and the solvent oxygen and
nitrogen baslc'sites, were CQnsldered

Studles of the solvent dependence of the lSN
shleldlngs in anlllne methylamine,” and N-methylacetamide
found that while hydrogen bondlng,byla the N—H bond,
seems to contribute to the observed downfield shifts,

other, less well defined solvent ‘interactions were also:

important (43). , &
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’ A
Reliben (47) divided the 36 ppm (41) gas—-to-
liquid downfield shift for the 17O shielding of water

into two contributions by the following reasoning. The
17

i

O shielding of water in a dilute solutibn in dioxane
was found to be 18 ppm downfield from its value in the
vapour; this shift was attributeé to the hydrogen bond
formed between water and dioxane, where water only acts
as the protonl donor. The average number of these hydro-
genvbonds formed was calculated from the data of a lH
hmr study of this system. With the further ASSumpﬁion,
that in ligquid w;ter each water molecule is involved in
four hydrogen bonds (two via the hydrogen atoms and two
‘by donation of the oxygen lone pairs), Reuben separated
the effect of forming an HO—H---OH2 hy&rogen bond into
the following contributions: a ;12 ppm shiét for the
proton aonor and a -6 ppm shift for the proton acceptor.
In other systems (page 15), large downfield shifts were

observed for non-hydrogen bonding interactions with the
17

lone pair. Therefore,the difference in the ~ 'O shieldings
?f water in the gas phase and in dioxane solution cannot
'be‘completelyvattributed to the formaéionlof’hydrogen
bonds by the O;H protons, and the -12 ppm shift for the

proton donor is probably overestimated.

i
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The 17O resonance of a series of solutions con-

taining 0.2 M methanol and 0.6 M tetrabutylammonium halide

in dichloromethane has been measured (4%). The shifts in

thell70 shieldings in these solutions, measured rel@tive

to methanol at the same concentration, were: for FT,

’, —~t - -
-0.9 ppm; for C1 fX~7.9 ppm; for Br , -5.7 ppm; for I ,
~8.0 ppm. These downfield shifts can be attributed to .
the effects of hydrogenm bonding since most of the methanol
is” complexed to the anion at these concentrations. (49) .

There have been very few studies of the effects

19

of hydrogen bonding on the F shielding of hydrogen

19F shielding was found to decrease on the

,

formation of hydrogen-bonded polymers in the gas (44,45).

In aqueous solutions, the 19

fluoride. The

F shieldings of the follow1ng

species increased in the order (50)),

F < FHF < HF.

"

These shieldings were d??uced from the concentration
}l

dependence of the observed exchange-averaged chemlcal
shifts and the known equllibrlu&iﬁonstants for the equi-

libria lnvolved. The 19F spectra of the bifluoride salt

of primary, secondary,ftertiary, and quaternary butyl

ammonium, as molten salts have also been reported (51).

19F nmr 'studies of hydrogen fluoride dlssolvedgﬁn carbon

SV
\

tetrachlorlde, benzene, and dloxane have been preblously

reported (52).
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The effect of hydrogen bonding on the atom at
the basic site of the proton acceptor molecule is rather .
interesting. The shielding change of the proton acceptor

atom appears to depend on its bonding to the rest of the

"molecule. The Shielding of atoms which are n bonded have
N -~
.been observed to increase on forming a hydrogen bond.

13C shielding in

-

N shieldings in acetonitrile

{33) and pyridine (54), the 15N shielding in quinoline

(43), and for the 17, shielding in acetone (55). In

This behavior has been observed for the

meghylisocyanide (53), the 14

contrast, a decrease in the shielding of the atom at the
proton acceptor site in water (47), methanol (47), ammonia
(46) and trimethylamine)\(43) have been observed on Jydrogen

bonding.

1.2.3 Coupling Constants

The solvent dependence of the spin-spin coupling
'cohstant”has been well established (56-58). There is a
number of cases in which the coupling constant betwéen‘

the eleétrophilic hydrogen in a proton do‘nor mq1e€u1e‘ and
the atom to which ig is bonded has been found to be éolv—‘
ent depéndent; The effect of hydrogen bgnéing>on‘the coup-
ﬂ_iingéyis generally‘quite small. Consequeﬁtly‘the sépar—
“ation of the effect of;hydrogéh bonding ﬁfgm other effects

i .
] P
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is often difficult (56-58).

There are very few examples in which the changes
in the coupling constant of proton donors have been attri-
buted to the effect of hydrogen bonding. The variation
of the 13C~H cougling constant observed in chloroform dis-
solved in a number of aprotic solvents has been inter-
preted in terms of hydrogen bonding (56, 59). The coup-
ling constant was found to range from 208.1 Hz in cyclo-
hexane solutions to 217.7 Hz)in dimethylsulfoxide solution.
Linear corfélations,were observed between the increase in

. : . 1 ,
the coupling constant and the decrease in the H and 13C

shieldings (38{- An increese in the ﬁagnitude of J (lBCH)
4n a number of differeht halomethanes has also been attri-
buted to the effects of hydrogen bonding (60).
The one-bond - 15 N-H coupling constant im aniline, acting
as a proton donor towards a number of‘acceptors, has been
observed to increase in magnitude by 5% (48). A recent
review (57) has presented several other examples of sol-
vent dependent coupling constants in which pydrogen bond-
ing effects may also be important. At

<§9‘& - The coupling constant ifghydrogen fluoride‘has
been observed by nmx. ‘only in 11qu1d hydrogen fluoride at’
very low temperature. A value of 521 Hz was found for

this coupllng constant (61). The H-F coupllng constant

has also been deduced for hydroge fluorlde in the gas
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phase from the molecular beam electric resonance spectrum
and was found to be +530 t 23 Hz (62). This determination
is too imprecise to allow a comparison of the coupling
constant between the gas and the liquid state. However,
this study didqd esﬁablishlfhe sign of the .coupling constant.

Exchangg>broces§es will also affect the obéervéd
coupling constant. Rapid whole molecule exchange processes
such as in Equation (1.6], will result in’an observed
coupling constant which is a population-weighted average
of the coupling constants in the free and associated forms.
Rapid proton exchange will cause a collapse of the multi-
plet arising from a coupling to the exchanging proton
into a single peak. This effect arises from the averag-
ing of the relétiveaérientations of the coupled nuclear
rgpins. Slow exchange results in a broadening of ;he indi-~-
vidpal peaks in the multiplet and a decrease in thé separ-
ation of the peaFrmaxima. The multiplet will coalesce
into a single bfoad peak when the lifetime 1 equals
YZ/(2nAv), where Av is the separation in the multiplet
(in Hz) in the absence of exchange (36). The separation
of the peaks‘in the slow exchange region is given by‘the
expression (assuming‘équal pqpulations) (36)

' P .

separation of peaks . 1 1 /z

separation of peaks for large 1 -

e . )

[1.8]

21 1 Av
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Lifetimes in the region of slow exchange can be estimated

by {36)
(1.9 e £
AP 4

where Avl/z is the width at half-height due to the ex-

change broadening.

1.3 Scope of the Thesis

'This thesis presents a study of the hydrogeﬁ
bihalide ions in sol&tion. lH and 19F nmr spectroscopy
was used to study solutions prepared by dissolving a
hydrogen halide and a halide salt in an aprotic solvent.

The results of the study of solutions contain-
ing a pydrogen halide (except ﬁF) and a tetraalkylammonium
halide are presented in Chapter 3.. Ideally, tﬁé forma-
tion of the ﬁydrogen bihalide in solution can be des~

cribed by the following equilibrium

HX + Y === XHY
However, in some of the mixed systems, where X and Y are
not the same halogen, other equilibria were found to be
present. One aspect of this study was to identify the

species present in solutions containing a hydrogen halide

and a halide ion. An attempt was made to identify‘the
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equilibria involved and to meaéure the association con—
stants. The 1H nuclear shieldings in the hydrogen bihal-
ide ions (except those containing fluorine) are presented
in Chapter 3. The dependence of these shieldings on
the solvent, temperature, and the cation were investi-
gated.

Chapter 4 presents the results of the studyﬂof
solutions containing the hydrogen bihalide ion of the form

L
FHX , where X = F, C1, Br, and I. The 14 and 1%F shield-

ings, and the 19F—H coupling constants in these four bi-
halide ions were measured. Dilute solutions of hydrogen

fluoride in aprotic solvents were also studied to extend

¥ ’

the rather limited data presently ayailable regarding the
effects of hydrogen bonding on heavy atom shieldings and
coupling constants in proton donor molecules.

1H,shieldings is presented

A discussion of the
in Chapter 5. An attempt is made to relate the observed
decrease in the 'H shielding on hydrogen bonding to the

changes in the electronic structure between the hydrogen

i .

halide and the corresponding bihalide ion, ‘Thg dependence
of the proton shielding on the strength of tbe hydrogen
bond, the bése strength of the proton accepto£, and on
"the acid strength of- the proton donor is discussed. '

Chapter 6 contains a qtalitative discusSion of
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the cha;ges in the 19F shieldings. At present, the changes
in the heavy atom shieldings in the éroton donqr molecules
on hydrogen bonding are not very wellnundersfood. The
simple structure of hydrogen fluoride elimingtes some of
the complexities associated with other proton donor

19F shieldings are dis-

molecules. The changes in the
cussed in terms of a model which has been found to be
wseful in the understanding of fluorine shieldings in
small molecules. :

The varjation of the F-H coupling constant
in hydrogen fluoride on hydrogen bonding is discussed in
Chapter 7. The change in the F~H coupling constant was
found to be in an opposite direction to the changes
previously foundrfor proton donor molecules. A possible
explanation for this behavior is presented. The correlation
between the variation in the coupling constant and the , |

strength of the hydrogen bond is investigated.



CHAPTER - 2

’

EXPERIMENTAL

2.1 Materials

o

2.1.1 Hydrogen Halides

( Matheson reagent gases, HCl, HBr, HI, were
iﬁtrodpced into a vacuum system through anhydrous CaSO4,
frozen with iiquid nitrogen, and the noncondensible gases
pumped off until the pressure was less than 5 microns.

The solid hydrogen halides we}e sublimed three times throuqﬂ
a. series of U-tubes at a temperature at least 10° below
their melting points (HCl1l from a methylcyclohexaneﬂslush
bath at ~126°, HBr from a methanol slush bath at -98°, and
Hi from an acetone/CO' mixture at -78°), No -peaks attri-~
buted to water vapour were observed . An the 1nfrared sgectra
of the purlfled gases ( 10 cm path length, 300 torr pres-
sure ) in the reglon 4000-500 tm~ -1 and azso in the region
300-100 cm * in the case ofrHC1l and HBr. The HI was used
within one’'day after purlflcatlon. After long®r perlods,
the proton resonance of a freshly prepared solutlon of HI

j was found to be shifted dQanleld and ' gave a nonllnear
temperature dependence; This behavidg could be the result

.« 7Y
of the presence of. 1od1ne produced by the decomp031tlon

w

of HI in the gas (63)

24.
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Matheson HF (99.9%) was storedﬁin a polytri-~
fluorochlorethylene tube attached to a monel and copper
vacuum system, and was purified by three trap to trap

|
distillations. ,  ®

2.1.2 Halide Salts

Eastman reagent grade tetraalkylammonium halide
éalts were predried in a vacuum desicator over PZOS' The
tetra—gfbutylémmonium chloride (Bu4NCl) and iodide salts
were recrystallized 2 or 3 times from acetone/diethylether
‘(3:1 V/V). Final drying of all salts was performed by
heating the salt (beiow ifs melting point) while pumping
until the pressure was less than 10‘3 torr. )

The tetrabutylammonium salté were analyzed for
haliée ion by titration‘QithAgNOB, using a potentiometric
method to. determine the endpoint.. Analysis: ,Bu4NCl,
found {5;77%, calculéted 12.76%; BQ4NBr, found.24.76%,
4NI, found 34.42%, calculated 34.36%. 4

-3

Meltipg-points were measured in sealed capillary tubes

\

calculated 24.79%; Bu

»

with a calibgated thermometer and were found to be: Bu,NC1,

-

75.0-75.8; Bu NI, 144.0-145.0 °C.

4NBr, 117.87118.0;‘Bu4 ‘
. Tetraethylammonium fluoride (Et,NF), obtained

from Eastman-Kodak,Acoﬁtained water which could_not’be

completély'removed by drying undér vacuum at room~£emper4

~ature. .After‘drYing for one week, the salt was anaiyzed

o
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\

for fluoride ion by a gravimetric method as triphenyltin
fluoride (64), and for water by the Karl Fischer titra-
tion (65). The analysisrwas consistent with a hydrate
Et4NF(HZO)1’5. An ‘aqueous solution of this salt had a pH
of about 8 which indicates tﬂgt there was - no acid present.
The Et NF hydrate decomposed to produce the
bifluoride salt when slowly heated to }00“ under vacuum,
The volatile components were collected in a liquid nitro-
gen cold trap and were i@entified by nmr as triethylamine,
ethylene, and water. The ﬁresence of ethylene was con-~
firmed by its reaction with brominé in carbon tetraéh1©}~
ide to produce 1l,2~dibromoethane. The thermal decompo-
sition of the. hydrated tetraethylammonlum flupride, as;?
solid or in solution, has been prevlously reported and the

f@lléwing two step process was péstulated (66) 2

7 o R
(2.1} Et NF *a—lgg—aq»EtBN HF + C,H, 41-5 B
[22] Et,NF + Et;N-HF Et,NHF, + Et;N.

Co
Reaction [2.1] is analogous to the Hoffmann elimination
reaction of quaternaryvammonium hydroxides (67). The F_
1&£ could take the same role as the OH™ ion %p this elim-

A

ination reactiom. A p0851b1e alternative mechanlsm could

involve a proton transfer from HZO to I F , resultfﬁg in

NOH which would decompose by

the formation of FHF  and Et 4
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the Hoﬁ§mann reaction.
¢

The btANHF2 was preclpltated twlce from aceto~
nitrile by adding diethylether and then dr1e4 for several
days at 100° under vacuum. The melting point of th% salt,
determined in a sealed capillary, was 158.5-160.0°, with
evolution of a gas. Analysis for F , as triphen&ltin
fluoride, and for titratable acid in aqueous solution gave
the following results: F_,‘found 22.31%, calculated 22*45%;
A\

H+, ‘found 0.5895%, calculated 0.5955%. Water content byj
Karl Fischer method was less than 0.2% by weight.

A mix?ure ofrEt4NHF2
by di;solving E£4NHF2 in Dzd and then evaporating the

and thNDF2 was prepared

water. The partially deuterated salt was purifiéd as
described above.
o

An aqueous solutlon of Bu NF was prepared from

the bromide salt by exchange on a Dowex 21K anlon exchange

~column in the fluoride form. This solution had a pH of 8

which is consistent with a simple fluoride salt. After
concentratihg the solution by removing most of the water
by vaéuumvdistillation at 40°, thé remaining liquid water
Qas removed by freeze drying., . The résﬁlting éff—white
colored crystals initially melt;d into a clear liquid
when heated to 50° under vacuum and then solidified after
several hours;- On further heating under vacuum, the’sofid

was slowly converted into a transparent, light broyna
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llqu1d with evolution of gases. After two weeks the'solid
had completely disappeared and the liquid produced waxy’
cryétals with ‘a melting point of 30 2 2°C. ‘The lH and

9% nmr spectra of the final product in acetonitrile solu-
tion showed the presence of only Bu4N+ and FHF . This
behavior is consistent with the formation of the hydfated
Bu NF salt which decomposesrqnfhéating to form Bu4NHF2.
buring the course of this reaction an additional peak was
observéd at 5 ppm below TMS in the lH nmr spectrum. This =
peak completely disappeared on further heating. This
peak isrprobably due to FH(.H2O)x where x 1is about 1 or 2
since a peak was observed in the same position in the
spectrum of Et,NF (H é)l gn "
7 The tetraalkylammonluT bifluorides were handled
as solids or as solutions 1n éprotlc solvents in glass
apparatus. No etching of the glass was Vlslble after

several weeks,

2.1.3 Solvents o o

- Most solvents were treated with a drying agent

. AN
and then fractionally distilled. The middle 50-75% frac-
tions were collected and stored over 4A molecular sieves

in a nitrogen atmosphere glove box. Drying tubes contain-

ing anhydrous CaSO4 were used to protect the solvent from
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atmospheric water during distillation at atmospheric
pressure.Fischer reagent grade sym—~tetrachloroethane and
dichloromethane were refluxed overnight through a Soxhlet
apparatus containing 4A molecular sieves. Both solvents
were fractionated and the middle fractions, which had boil—
ing ranges of less than one degree, were collected. Approx-
imately 4% pentachloroethane, which should not significantly
alter the solvent properties, was detected in the nmr spect-
rum of the purified tetrachloroethane.

Fiséher reagent grade acetonitrile was stirred
with CaH2 {or two days, then decanted and fractionally dis-
tilled from P,O

275 °
CaH2 for two hours and fractionally distilled.

This distillate was then ref,

Dimethylsulfoxide and propylene carbonate were
stirred with CaH2 and then fractionally distilled under
reduced préssure at temperatures below 70°. N,Nadimethyl~q

formamide was stirred with P,0g for three days, with KOH for
one hour, and then fractionally distilled undeEgreauced pres-

i

sure at temperatures below 70°. Diethylether, and cyclo-~
n \ -
hexane-dlz were fractionated from LiAlH4- Eastman spectro-

grade nitromethane was fractionated under reduced pressure

4

‘from CaSO4. Trf@hlorofluoromethane was fractionated. Tetra-
\ ,

methylsilane was‘Ftored over 4A molecular sieves; no water

, was detected in tﬂe nmr - spectrum of this material.

\ “ ‘

A

)
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2.2 Procedures

Solutions containing hydrogen bihalide ions were
prepared g; condensing the hydrogen halide into a solu-
tion containing the tetraalkylammonium halide. The tetra-~
alkylammonium halide solutions were prepared’in a gloee
box under a nitrogen atmosphere. A large open dish of
P,0, was usedjio remove water vapour from the glove box.
The halide solutions were made up in two milliliter volu-
metric tubes. Using a calibrated 1 ml syringe, 0.500 ml
(£0.003 ml).of the solution was transferred EP a 5 mm o.d.
nmr sample tube. The sample tube was fitted with a ground
glass joint which could be connected to an auxiliary stop-
cock to exclude air. During ,the course of this work, this
stopcock assembly was replaced by a less bulky netal valve
with O-ring compression fittings. The tube was connec£ed
to a vacuum rack, frozen with liquid nitrogen, and pumped
to less than 1072 torr. Hyd;dgen halide gas, measured by
a mercury manometer in a calibrated volume (typically 35
torr in 25'ml)‘was conﬁensed onto the frozen selution,
and the sample tube was sealed. More dilute saﬁples in
12 mmftubes were prepared in a similar manﬂer. L
7 s - '1’\

k Hydrogen blfluorlde solutlons were prepared

dlrectly from' the tetraalkylammonlum salt. These solu-

tions were found to be stable,in glass sample tubes.
. S ",

¢
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Hydrogen fluoride was handled in a vacuum system
constructed from copper tubing, monel valves, and monel
fittings. The cold trap and storage containers were fab-
ricated from 3/4 inch polytrifluorochloroethylene rod and
attached to the vacuum system bf'compression fittings.
Pressure measurements were made with a Helicoid bourdon
gauge (Type 460-K monel) which héd a pressure range of
0 to 1 atmosphere. | k

The nmr saéple tubes for hydrogen fluoride solﬁL
tions were fabricated from polypropylene tubing (0.125 in
o.d. with 0.016 in wall). The sample tube was attached
to the vacuum line by an O-ring compression fitting
(Cdjon Ultra-Torr) and sealed by heating a thin glass
sléeég, fitted snugly around the tube, with a hot air
gun. These tubes will fit inside medium wall glasslnAr
Afubes, which allows the sample to be spun inrthe Spectré—
‘meter.,

: The hydrogen flgoridéfgas was measured by pr%sf
sure in a‘kpown volume at a constant temperature (26 * 1°), .
- and then condensed inté fhe sample tube cooled with liquid
nitrogen. The actual amount of hydrogen flﬁbride used at
. a given pressﬁré\ﬁas éal;brated to také into aécount poly-

mer formation in the gas. Aqueous solutions, containing

the same amounts of hydrogen fluoride as were used in the

~ ,
8
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nmr samples, were prepared by the same prooedure and then
titrated with NaOH using phenolphthalein as an indicatorn
The quantity of HF‘condensed into the sample tube was
found to be reproducible to within 1%.

| The nmr spectra were obtained on a Varian HA-60
or HA—lOO'sPectrometer. For the 1H Specera, the internal
reference, tetramethylsilane, was used for the lock sig-
nal. The peak positions were measured by settin% the
sweep oscillator at resonance and measuring the difference
between its frequency and that of the lock oscillator.

The 15

F spectra were obtained at 56. 445 and 96.4 MHz. A
solutlon of trifluoroacetic acld in acetonxtrlle (50% by

volume) was used as an external reference to provide a

14

. lock signal. For samples in polypropylene tubes, thé

external reference was placed in the sPace between the

+ inner polypropylene tube and the outer supporting glass

tube. The external references weretplaCed in capillary
tubes for solutions in glass nmr_Eﬁbes.,‘Ueless otherwise
staﬁed, spectra were obtained ae ambient probe tempera-
ture, 34 i?l°, in both spectrometers.

The infrared speetra in the region 40004500 cm—l
were obtained on a Perkin-Elmer Model 337 spectrometer,
and on a Beckman IR~11 sﬁ%ctrometer for the region 300~
100 cm l) Solution spectra were obtained using sample .

cells with 0.1 or 0.5 mm path lengths. Solutions of

an
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hydrogen bihalides (except those containing fluorine)
gave identical spectra in cells with NaCl or KBr windows

in all cases.

2.3 Chemical Shift Scale

The chemical shift of a nucleus can be defined
as the difference between its absolute shielding and the
absolute shielding of a reference nucleus (34). The
absolute shielding, o, referéncedkto the bare nucleus, is
defined by the condition required for resonance given in
Equation (1.4].

Throughout this work, all chemical shifts will
be reported in parts per million (ppm) relative to a ref-
‘;erence. The symbol o will be used for both the absolute
shieldings, and the chemical shifts or "relative shield-
ings". o will always be accompanied by the reference
whenriéris used to regresent a relative shielding. The

sign convention used throughout this ﬁhesisafor the rela-

tive shielding scales is defined by

. VB, =g, -
ol R cl OR

where R is the reference. Consequently a positive value

means that the nucleus is more shielded than the refer-

ence, - o _ A
L4

[

N

~)
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The difference between the shieldings of a
hydrogen halide, HX, and the hydrogen bihalide ion XHY ,

will be called the complex shift, A_, and is defined as

(2.3] be = Y%uy~ ~ %ux

The hydrogen-bond shift, A, is defined as

[2.4] A = 9obs ~ %Hx

where © is the observed average shielding of a solu-

obs
tion containing HX and XHY ./ Therefore negative values
of 4 or A indicate that the shielding has decreased or,
in terms of[the nmr spectra, that the resonance has shifted
downfield.

An absolute shleldi?g scale referenced to the
1 19

bare nucleus has been established for H and F shield-

lH shielding scale was established (68) by com~

ings. The
bining a measurement of the ratio of the electron and'
proton g factors for atgmic hyQ$Ogen, with a measurement
by ﬁambe (69) of the ratio of the g factor for the e;ec-
tron in a hydrogen atom to that of a proton in liqgid
water. The valuevfor the shiélding of water reported in
Reference (68) was recalculated, using a subséquent, more

- precisely determined value of the ratio of the electron

aﬁd proton g factors for atomic hydrogen (70) and the
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result of a recent theoretical calculation of the proton

shielding in atomic |lhydrogen (71), to give
1
o (H,0, liquid, sphere) = 25.60 ¢ 0.17 ppm. fgﬁ

The absolute shielding of methane gas at zero pressure,

o, C and

determined from the relative shieldings of H ele ’

2

CH, (72), is

4

s O (CH4) = 30.55 ¢ 0.17 ppm.

Hindermann and Cornwell (72) have established
an absolute shielding scale for fluoring based on HF in

12

the gas at zero pressure which has a value of

O (HF) = 410.0 * 6 ppm.

All fluori;e shieldinqs were measured relative
to the internal reference, CF4{ im order to compare shieid-
ings in different solutions without the necessity of cor-
recting for the differences in the diamagnetic suscepti-
bilities (34). The absolute fluprinq,aﬁleldings of 0.1 M
CF, in solution are presented in Table II.. The shie;dings
of CF4 in solution were measured relative to an external
reference and converted to the absolute scale using the
absolute shielding of a cylindrical sample of liquid

B K 3
CFCl, (72). The shieldings of CF4 in solution relat?.ve3

\

to that of the externai-reference were gorreéted‘(34%



36.

4
+

“(y¢ ®OUIIIFIY)

S3URISUCD §,7e0SRd WOXJ pojeINOTe) 'O

*(896T ‘OTUO ‘pueTsadTd ‘0D

IdPAQUY  TedTWeYD dYl) ‘,s0TsAyd pue AI3IsTu™yYD JO XOOQpPUPeH, ‘‘PI ‘IseoM ‘D' 'q

R

‘7L doud19IaYy ‘e

h _ (eumToa Aq %0g) ('T&o
b 992 - 2L LL 'bTT) 2TTIITUO38d® ut HOOOtad
007652 - - A seb Y
: - 9619 23euoqres susyidoxd ﬁ
8147 5€06°0 b0°Z9 pTuwew oy TAYI2wIP-N‘N
bzse q8€9°0 €429 auURYIBWOIOT FYPEOTYI T 13
A kA n¢mm.o £y 'Z9 3T TI3TUO}BO®
6°28C ~€€5°0 z0€9 aueTIsTAILaueI}a8]
9°2s7 namm.o o £2°€9 aueYIBdWOIITU
71252 q7€s "0 ‘mwﬁ Zy €9 1039 TAy3aTp Ut Yad
29 T L'88T - 0 (*1ko ‘br1) fromd .
wdd ‘Butpratys 0T x - wdd ‘sBUTPTITYS sousxayey
aInTosqy 9 , : dATIETIY .

"Dob€ I E3DOUBIBIBI BYI JO SBUTPTATYS SUTIONTI 93INTOSQY -'TI OTqeL



37.
I

for the volume diamégnetic susceptibility, Xy of the sol-
vent by adding —2ﬂx0/3 before converting to the absolute
scale. The relative values of the shieldings in Table

I1 are accurate to within 0.1 ppm.

y

2.4 Analysis of 1:1 Complexes

In the simplest case, the association of a pro-
ton donor HX and a proton acceptor B can be described by

the equation,

HX + B ==—— xHB . A

Such a system is readily studied by nmr in two limiting
cases. Inrthe case of slow exchange, ééparate signals will
be observed for HX and XHB, and their éoncentrations may
be evaluated independently.

In the case of rapid exéhange, only a single,
population—weighted average shielding will berbbserved.

The shielding'of the complex and the association constant

can be calculated using the Benes%gﬂildebrand-sébtt‘(BHS)

& -

equation (73,74)

» Bl _ (Bl , 1
(2.5] | 3l J‘E:*R‘A:

Where K is the association constaﬁt‘defingd{by,

g



0w 38.

x - _LxB]
[AXT (BT *

and Ac and A are defined in Equations (2.3} and (2.4]. An
iterative procedure was used since the concentration of the
uncomplexed base [B] is not known. Initially the total

base concentration, C was used to approximate [B], and

Bl

the value of,AC, determined from a least squares fit to

Equation [2.5] can be used tQ arrive at a better estimate
N .
of [B}, since N .

K

_ A
12.6) (8] = Cy - 71— Cy

where C, is the initial concentration of HX. These viires

of [B] can be used for a second BHS anélysis,\yielding
better valuesféf Ac, and so on to self—éonsistency.

| Errorzestimates of A, and K we;g\det;r?ined frdm
the least squarés analysis and include Ehe’hncertainty in
{(B]/4 arising from experimental errors in meégnring peak
positions and concentrations. i

The complex shift, g?m be accurately deter-

mined for an equilibrium with a large assoclatlon constant
since the limiting value correspondlng to the shleld&ng of
- the complex can be directly observed in the.greSencewof

large excess of the proton gcceptdr; On, the othér‘handf

_‘the precise‘determinatipn of the association constant QX

(‘\

e
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the BHS equation becomes more difficult fqr larger associa-
tion constants (75,76). The assoclation constant can also
be calculated from AC and the observed shift A, of an
individual sample. Thé‘fraction of the HX complexed will

be egual to A/AC and the association constant can be cal-

. culated from

(2.7]) K =
, | T =31, = xC,7

Vs

where x = A/AC. The precision of this method is also
limited since the quantity (1 - x) approaches zero for large

association constants.

pTA

G
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"~ CHAPTER 3

RESULTS OF A PROTON NMR STUDY OF- BIHALIDE 1ON

EQUILIBRIA IN SOLUTION

o The results of the nmr study' of thé hydrogen
bihalide ions XHY , where X, Y = Cl, Br, and I, are pre-
sented in this chapter. The object of the study was to

obtain the nuclear magnetic shielding pf the hydrogen

&

bonded complex, XHY , and \to measure the association con-

stant in solution.

3.1 Solvents Used

"The choice of solvents is governed by somewhat

contradictory requirements, The solvent must dissolve

: _ - S Y
~adequate amounts of salt (to ca. 0.5M) but must not con~

tain <labile oi strongly eléétrcpﬁilic:ﬁydrégéns. Basic
‘aprotic solvents are unsuitable, .since they are readily

:protonated by;é:rong acids such as’/ the hydrggen halides

(773.1 Dichlorométhane,\EXE_—tetrachloroéthane,\and ace-
tonitrile were gSed'although eVen these wére not entirely
satisfactory.: Acetonitrile reaéts with the hydrogéﬁ hai—
ides (?7), but it w§§ found that @he reQérsible"nature of
th&svréaction allows’ the formation of most hydrogen bihal-

ides. The halogenated solvents.undergo slow halide ex~

g

\ ' s ’ 40.
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change with the dissolved salts making it necessary to
obtain the nmr spectra soon after preparation of thecfolu—
tions. Where exchange was perceptible, it was possibl
to extrapolate back to the time of preparation of the

sample and obtain reproducible results.

3.2 HomobihaliderIons

The homobihalide ions C1HCL , BrHBr , and IHI
were studied by adding a small amount of hydrogen halide
to soluﬁions containiné'vatious amounts of the.co spond-~
ing tetraalkylammonium halide salt. In all cases, only
a Singlé prot§n signal was observed, whose linewidth was
determined by éhe magnetic field inhomogeneity (0.2 Hz),
in‘all but a few concentrated viscous éolutionsi The

* i

occurrence of a single concentration-dependent signal indi- /
catesathat a raéid éxéhaﬂgérpfOééSS is occurring and the

‘observed shielding is a population=wéighted average over

[

all species to which the proton has access.

»

3.2.1 Proton Shielding

1

Figure 1'shows the effect on the préton shield- .

ing ‘of 0.1M hydrogen halide, caused by the addition of

_/tetrabutylammonium halide in EXE -tetrachloroethane at
vambientvprobe temperature (34°). Thegshieldings of HC1,
B * - ' )

\\\ HBr, and HI, referenced to TMS, are -0.9, 2.73, and 11.21

‘ |
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¢ Figure 1. Dependence of the'protoﬂ shielding on the tetra-
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butylammonium halide concentration: homobihal-

ide systems. Hydrogen halide at 0.1M in sym-

tetrachloroethane at 34°,.
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ppm, respectively. These observed hydrogen halide shield-
ings in solution are 1 to 2 ppim less than those in the
gas phase (78-~80). The concentration dependence of the
shieldings of the hydrogen halides in solution in the
range 0.05 to 0.2M was less than 0.02 ppm which indicates
that there is no significant self-association.

The HCl and HBr shieldings decrease and approach
limiting values near the equimolar points. Further change,
in e*cess halide, is of the order of 0.1 ppm. This limit~
ing value is taken to be the shielding of the 1:1 complex,
XHX .

: Table III presents thé complex shifts Ac deduced
£3r several concentrations CH of the hydrogen halide.
These values were determined byfan lterative procedure
using the BHS equation. The Yimé;’xn“ values were detquined
by fitting the combined éata Wﬁﬁh different values of CH
to Arsingle BHS plot. Points in the reéiOn where the
hydrogen halidé was in excess were omitted from the  ana-
lysis presented in Table III, since evidence of the forma~
‘tion of higher complexes of the form, x(HX); was observed
in this region. Figure 2 shows the points at low salt
concentration in thevchloriae and bromide systems. In
each case, the observed downfield shiftéxgkceeds that

" which would arise from qu@dfitative formation of XHX
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Table II1. Complex shifts of the tetra-n-butylammoniumn

homobihalide ions in sxg—tetrachloroethane

at 34°C.
“0 C o (XHY D)
Bihalide Ion moles 2% 4. in ppm ppm vs. TMS
ClHC1™ 0.200  -13.14 + 0.11
0.100 ~13.01 # 0.06
0.0508 ~12.85 + 0.09
mean © -13.01 * 0.05 ~13.91
BrHBr - 0.200 ~13.02 + 0,18 |
' 0.100 -12.90 + 0.08 \
0.0508 ~12.83 & 0.09
mean - -12.90 * 0.05 ~10,17 | °
) & \ {"; . .
IHI 0.200 -12.16 + 0.12
0.100 -12.10 * 0.12 !
mean ~12.11 + 0.07 ~0.90 ’\
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1:1 ion-molecule association. Hydrogen hal-

: ides at 0.1M.
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(shown by the dashed line). Evidently, more than one mole-
céf&sof XH 1s participating in complex formation per ion
Xf; Multiple equilibria of this type have also been
observed in the chloride (13,27) bromide (27) and iodide
(27) systems, in the reaction between the solid halide

salt and the hydrogen halide gas.

Samples containing 0.01M HC1l and HBr were
studied but the observed shieldings were not reproducible
nor consistent with the other sets. In the gpgion of
excess halide, the observed downfield shifts were smaller
than expected. This effect was most noticeable in the
hydrogen bichloride system. The observed proton resonance
tended to shift back upfield as the chloride concentration
was increased, in the region of excess chléridé_ﬂ The
observed di§érépanéies of 1 to 2 ppm;to high field from
the expected value could arjse from trace amounts of
wa£er. The sh;elding ofno.lM H,0 was founddlo shift from
~1.52 ppm to.-2.85 ppm vs. TMS on the addition of 0.9M

Bu,NBr (81). On the basis of the trend in the proton

4
shieldings of alcohol~halide ion complexes (49), the

shielding of H,0 in the presence of Cl™ is expected to
be less than -4 ppm. A water content of 0.01% in the
chloride salt would be sufficient to account for the dis-

crepanéyvin the 0.01M HC1l solution, since the protons of

13

I

=4
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the water-halide complexes would be averaged into the
observed shielding. , -

Solutions containing HI became discolored after
an hour due 0 the formation of iodine. These samples
were kept frozen in liquid nitrogen after preparation”
‘until their spectra could be obtained. The spectra of
these solutions were monitored err the interxrval from 5
to 30 minutes after the samples were removed from the
liquid nitrogen. The observed change in this interval
was less than 0.1 ppm to high field, and the shieldings

used were obtained by graphically extrapolating back tb

zero time.,

3
3.2.2 Association Constants

Téple Iv pfesents the association constants for
the formation of the homobihalide ién; in §XE‘;tétraCthfO=
ethane at 34°., Th& values listed under Method 1 were
determined from the BHS equation using the same data used
‘to calculate the mean values of A, in Table III. The
values lis?ed under Method 2 were calculated from Equation
[2.7] usingvthe dbserved shift A, of individual points
‘near the equimolar point, and the complex shift 8,. The
errors quoted for the values in Method 2 are standard

deviationssfrom 11 determinations in each case.

i
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w0
Table IV. Association constants for the
formation of the tetra-n-butylammonium
homobihalide ions in sym ~tetrachloro- .
ethane at 34° ¢

, S |
[ §
Bihalide K, 2 mole
Method 1 Methbd 2

ClHCl™ ca. 600 660 + 105

BrHBr 220 £ 62 240 *+ 44

IHI™ , 7.41 * 0.23 -

I
J
/
! -~
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3.2.3 Solvent,bependence

-~ 4

Table V compares shieldings in acetonitrile ana
dichloromethane with those observed in tetrachloroethane.
b Acetonitrile reacts with the hydrogen halldes
(with the exception of HF) to form ‘compounds with the
stoichiometry, CHBCN-ZHX, which can be isolated as solids
(82) . Infrared studies (82,83) and a neutron diffraction

study of the HC1 adduct (84), have shown that these com~-

pounds are acetohalogenimidium halides of the form,

CH 4 A+
= N (X1~

{

Y

A white precipitate was observed in acetonitrile

solutions of the hydrogen halides when the sample was

' thawed after prepé}atiqg. This solid readily dissolved
‘on warming. The nmr spectrum of the HCl1l solution showed?
a signal at -4.0 ppm, but in the HBr and HI solutions no
proton signal attributable to the N-H proton could be
observed. This presumably is a conSequénéZ<bf a slow pro-
ton exchahgé mechanism which broadens the signal. How-
ever, on the addition of Cl” or Br to the HCl and HBr
solutibns, sharp peaks were observed at low field thch

became independent of the salt concentration at high salt

‘concentrations. These limiting values are reported as
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élﬂgl— and BrHBr shieldings in Table V.

i
[
observed when excess 1 was added to the HI solutions in

acetonitrile. The HI-acetonitrile complex appears to be

No peak which could be assigned to IH1  was

'ﬁbre stable than ‘the biiodide ion.

| The values in Table V indicate that the shield-
ingL of the bihalide ions show a small solvent dependence.
JFhé observed variation between solvents is of the order
:bf_e few tenths of a part per million, which is compar»:

.able to the solvent dependence of nonlabile protons (85) .
' o The a%sociafion constants in dichloromethane for
Aitbe bichloride and bibromide ions were similar to those in

l )
_XE tetrachloIOethane, The association constants in

¢ aaetonltrlle could not be determined because of the reac-—

4
ftﬁon of the hydrogeﬁ halides with this ‘solvent.

o

/ 3.2 4 Cation Dependence

L]

The tetraethylammonlum b1chlor1de, the tetra~n—

@bentylammonium bichloride, and the tetra—g—heptylammonlum

. ” ‘
* ' pibromide were studied to determine the effect of chang-

\ Q:ing the counterion. In all cases, ‘the complex shift and
e
}V the assoc1at10n constant agreed . td within exper1mental .
/ \

//Xw»‘ﬁt error, with the values obtained for the corresponding
i <

j{ /, tetrabutylammoﬁium bihalides.
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3.2.5 Temperature Dependence

‘The complex shifts of the homobihalide ions were
measured at various temperatures using the same procedure
employed to obtain the values reported at.34°C. These
values are presented in Table Vi. The complex shifts were
found to be independent of temperature, to within 20.1 ppm;
and the shieldings of the hoemobihalide ions showed a very
small temperature dependence which paralleled the changes
in the shielding of the parent bydrogen halides. ‘

The attempts to measure the changes in entﬂalpy
for the formation of the bihalide ions in solution from a
séuéy of ﬁhe temperature dependence of the association con-
stantd were not very éuccessful. The associationchnstant
for the bichloride ion was too large to be measured accur-
ately, and the biiodide solutions were not extensively stud-.-~
ied because a new set of samples had to be prepared for
each temperature. An'enthélpy cﬁaﬁge of -3.3 t 0.3 kcal
mole™ ! was obtained for the formé&ion of the;bibromide ion
in tetrachloroethane from mgasurementé‘in the rangé —40‘toi

Do
34°C. This value is much smaller in magnitude than éﬁose_
observed for the formation of the bibromide ion from isbl;t—'
ed constituents (see l.l.i). iIn éolution, the observed
enthalpy change contains an endothermic contribution due to

the difference of solvation energies between' the reactants

and the product (28).

>

-
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Table VI. Temperature dependence of shieldings (in' ppm)
of the tetrabutylammonium bihalide ions.
Blhalldé . Tempféature on AC O Y HX-
—~a P §
C1lHC1 26 -1.06 ~13.3b -14.4
~1.12 -13.4 -14.5
-1.21 . ~13.4 -14.6
-1.29 -13.4 -14.7
~1.36 -13.4 ~14.8
. ~1.45 ~-13.4 -14.8
-1.51 ~13.4 ~14.9
a 2.65 ( -13.1P ~10.5
- BrHBr~™ T : ) -
8 - 2.58 -13.1 ~10.5
S
) ~10 2.50 ~13.1 ~10.6
. : ~29 ~2.43 -131 . ~10.7
-47 2.34 ~13.1 ~10.8 "
-66 2.25 -~13.1 -l0.8
-80 2.19 -13.1  ~10.9
® '/&
IHI~C - 34 ' 11.21 ~12.1° ~0.9

L : 0 11.06 ~12.0 -1.0

. a. in dichloromethéné
b. 20.1
c. in tetrachloroethane’

C o . |



3.3 Heterobihalide Ions /

Figure 3 shows the dependence of ic protdn
shielding of HLl on the. addxtlon of Br , and of HBr on
the addition of C1 in sym qte;;dcthIoethane at 34°.

The behavior of ‘the cor;65ponding chloride-iodide and
bromide~iodide syspemé are shown in Figures 4 and 5. The
same type of behavior was observed in dichloromethanc and

in acetonitrile” solutions. - )

3.1 Identlflcatlon of the SpecleS'lnd {1ﬁtion

1

These six systems show tWO dlbtlnct types of

behavior. The proton Shleldlng of the following solu-
e g ;
tions, : \

; l

%

HBr + C1°

[ . HI + o1~
A
1

HI + Br

exhibit exceptionally 1arqé downfield shifts and do not

rea(,h a limiting value until more than a two fold excess
N

of halide ion ‘has been added. The limiting values ot)ﬁpe

proton shieldings in theSersolutiéns clearly indicate
that the bichloride 1on lS formed, when an excess of C1~
is added to HBr or HI. ,Slmllarl§, the blbromldellon is
formed n' the addition of excess Br' to\HI. The infraredﬁ
:spectra of these solutions unambiguously confirms' the
preséﬁce df th?-homggghalide ion in theiregion 6f\e;¢ess
halide. Figﬁre 6 shows the ‘ir sﬁectrum of a solution

) .

~ " /
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Figure 5. Proton shieldings in solutions containing 0.2M

HBr and Bu4NI, and 0.2M HI and Bu4NBr in sym-

tetrachloroe;hane at 34°.
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containing HBr and an excess of Bu,NCl. This spectrum
was indistinguishable Mrom the solution spectrum of CIHC1 .
The spectrum of ClHCl was in good égfeement with the spec-
trum pfeviously published (13).

41 The halide ion added in these three solutions
is }a stronger base than the conjugate base of the acld. A
proton transfer to the stronger base and the subsequent
reaction of the hydrogen ﬁalide formed in this process
would result in the formation of the ‘homobihalide ion.
The occurrence of fhe proton transfer Step.was confirmed

by examining the gas phase over these solutions by infra-
N

{1

red spectroscopy. Solutions containing 0.2M hydrogen
halide, and halide ion cohcentratidns ranging from 0.1

i

to 0.4M, gave the following results: /

-7 e
w

over HBr + Cl : HCl gas
over HI + Cl : HCl gas

‘over HI *+ Br : HBr §as

This proton exchahge process ﬁas also been reported for
the reaction betweqa the hydrogen halide gas and tv
kali metal halide crystal (86).

Solutions containing HX (X#F) and F were not
studied because a dry soluble fluoride salt could not, be
prepared. These solutions are expected to result in the

formation of"the homobihalide ion FHF in every case,
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when the F~ is in excess. The formation of FHF has been
observed when any-.hydrogen halide was condensea onto an
alkali metal fluoride surface (86,87).

The concentration dependence of. the proton shield-
ings in the other three systems is consistent with the

formation of the heterobihalide ions by the following

equilibria:

(3.1] 7 HC1 + Br  —————= ClHBr
{3.2] ] HCl + 17 T————2ClHI
(3.3 HBI;ffjin T———— BrHI

The limiting shielding observed in solutions

contaiping HC1 and Br however, was identical to the

o
u

=

shielding of BrHBr . Therefore, it may be possible that

the following process may be occurring:
[3.4] HC1 + Br (excess) ———P BriiBr + C1_

In order to identify:thé species preéent, ir
spectra of solutions prepared from HCl and Br wefe meas-—
ured in the region 4000 to 500 cm-l.‘ Solutiohs in dichloro-
mephane and in acetonitrile were studied since the absorp-

tion peéks of tetrachloroethane obscured the dreas of ‘in-

‘terest. The spectra of solutions containing HC1 and ii:
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or HBr and Br in dichloromethane are shown in Figure 7.
These spectra were obt;};;;\hsing an empty reference cell;
éonseduently the absorption peaks of the solvent are also
present. The vertical arrows indicate the broad absorp-
tion peaks arising from the bihalide ions. The dashed
line estimates the absorbance due to the bihalide ion in
the region obscured by this solvent. The absorbances in
the region below 900 cm-l were estimated from the aceto-
nitrile solutions which were not obscured by strong sol-
vent absorption in this region. These spectra compare
very well with the solution spectra of ClHBr  and BrHBr
previouslg} repo(‘rted (22, 89).

The ébsorptién Peaks of the bihalide ions are
very broad, but the ir spectra of ClHBr  can be readily
distinguished from that of BrHBx . The absence of the
strong absoxption of BrHBr in the region from 700 to
1050 em™ ! in the spectra of the solutions containing HC1
and Br~ is quite evident. Howe&gr, small amounts of
BrHBr would be difficult to detect éince its véry broad
absorption peaks could be masked by the cation and solvent-
absorptions. ' The lack of avchange in the general features
of the ClHBr spectra in_Fi&L;eﬁ? (a) and (b) as the ratio
of the éoncenérations of HC1l:Br is changed from 1l:1 to

1:3, also indicates that very little BrHBr- is being formed;;

-
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Furthermore, in the gas phase over solutions containing HC1
and Br , no HBr, whose presence would support the postulate
of Equation (3.4], was observed in the ir spectrum.

Thus, the ir data show that large amounts oiEBrHBr‘
are not formed in solutions containing HC1 énd Br . The
‘nmr data show that the observed shieldings in the region
of excess Br becomes almost independent of the Br con-~
centration. Although this evidence does not exclude the
presence of significant amounts of BrHBr , it can be con~
cluded that the proton shielding in ClHBr must be very
similar to the shielding in BrHBr .

The spectrum of a solution CC?taiﬂiﬂg HC1 and
5n4NI contained a very broad, strong ab%orption band cen~

tered at 2100 cmsl which agrees with th% value of 2025

cm reported for Bu4NC1HI in the crystal (89). A secopnd *
weaker baﬁd reported at 990 cm * was not observed.

No peaks, which could be assigned with any con-
fidence to BrHI , were observed in the ir spectrum of
solutions containing HBr and Bu NI. Thé/ir spectrum of

BrHI has not been reported.

L }

. 3.3.2 Anagxgls of 1:1 Complexes )
Ces ¥
o Table VII presents the comp®ex shifts ¥nd Zeso-

¢ ciation constants deficed from the BHS equation assgminé

. @
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Table VII. Complex shift and association constants for the
heterobihalide ions assuming 1l:l complex for-

mation in sym ~tetrachloroethane at 34°C.

Complex* “H -1 K, -1 Ac’ g,
moles & 2 mole ppm ppm vs TMS

C1HBr 0.200 97 + 47 ~9.26 *+ .13
0.100 114 + 49  -9.24 + .08

mean 107 + 28 ~-9.25 * .06 ~10.15
ClHI ™ Q- 200 24 + 6 ~6.28 *+ .10
0.100 20 + A —-6.25 ¢ .09
0.0508 20 = 4 ;6.19 + .09

mean 21 + 3 ~6.23 + .06 ~7.13

i , /e
BrH1~ 0.200 27 + 4 ~7.99 * .08
0.100 25 + 3 ~7.92 %+ .05
0.0508 25 t 2 -7.67 % .04

mean 27 * 4 ~7.80 % .06 ~-5.07

*tetra-n-butylammonium cation.

T
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1:1 complex formatiOn\as described by Equations [3.1] to
(3.3). Data for solutions containing an excess Of hydro-
gen halide were not used in the analysis since complexes
of the form Y—(Hx{n,awhere n is greater than one, may
have been present. y
The association constants and complex shifts Ain
Table VII are reasonably independent of the hydrogen hal-
ide concentration which is consistent with the formation

|
of 1:1 complexes.

3.3.3 Solutions;Involving;Proton Tfansfer Reactions

In Figures 3 to 4, sblutions containing equimolar
amounts of HX and Y ,or HY and X have the same aver~

age shieldihg.i bhe infrared spectra of these solutions

were indistihgﬁ&shable which indicates that the caf§§
tion of these two solutions are identical. This indicates
that these solutions are in tﬁerﬁodynamic equilibrium
with respect to‘ggdton transfer. As a further check, sev-
eral samples‘weré made up which duplicated previous runs
in over-all halide and proton concentrations. To dupli-
molar HX and C, molar ¥ , a solu-

H S

tion would be made up containing HX, HY, %, and Y guch
[

cate a solution with C

that ; f; 

» b
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[HX] + [HY] = C
{HX] + [X ] = ¢
[uY} + (Y ] = Cg4

These solutions gave the filled points in Figures 3 to 5.
The excellent agxeement between these solutions implies
that complete and rapid equilibration of the proton trans-
“fer reactiors takes plgce"
The equilibria involved in these solutions will

be considered using the HBr-Cl system as an example. The

proton transfer process could be described as
-2

(3.5] HBr + C1° == ciuBr. TE—=HC1l + Br
or more simply as

[3.6] HBr + C1~ ==—= HC1 + Br

t§Thc’é}the equilibrium constant for Equation [3.6] in solu-

tion is expected to be very large, the proton.transfer can .

bqrcon81dered to be quantltatlve. This has been found to
(

be A&/case in the totally gas-phase reaction and in the

¢

reactlon between the hydrogen halide in the gas and the
solid halide salt. The forward reaction in Equation [3.6]
was observed in the gas phase using ibn-cycloéroﬁ double’
xesonanée, while the reverse reactiqnvcould_not;be detec-

ted (90). The solid Bu,NC1HBr salt was found to decompose

4
L]

~



h ¥
67.

into HC1l and Br on heating (89). Mass spectral studies
of the vapour phase over solid NaCl at 190°K in contact
with HBr showed thét after the admission of HBr, gaseous
HC1 wés present and only a trace of HBr
remained after a 30 second exposure to 'the surface (86).

The composition of solutions which res@t from
a quantitative proton transfer from HBr to Cl will depend
on the reiative amounts of these two compopents initially
added to the solution. %i 1

When the number of moles of Ci; added a;e less
than the number of moles of HBr added, all thé Cl; will
be cbnverted to HC1l and the following, equilibria will*bei

, %’ 7

1
F

established: L

HC1 + Br +=——= ClHBr %3
HBr + Br ,+—=. BrHBr . da

when equimolar amounts of HBY and Cl~ are added,

~all the HBr and C1~ will be converted into HCl and Br

and the solution can be dgécribed by the singléﬁequilibrium,:'

HCl + Br === ClHBr .

a

When an excess of Cl~ is added, the solution

'will contain.no HBr and the solution can be described by

M
‘the equilibria,
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P

HCL + CL &= C1HuC1l .

HGCl + Br ———= CliuBr .
Y

When a large excess of Cl is added, the predominéntxgihalif
- . - s ! V:A !\ ' L
ide species will be CIHC1l since the association constant

A3

for its;ﬁormaq}on is larger than that for the formation of
ClHBr . Also the Cl1~ koncgntrat ion will be larger than

the Br  conce ntra‘lon which is limitéd by the amount of
HBx 1n1tlally added. 2)
* If a quantitative proton transfer reaction, is

e, .

assumed, fthe equilibrium concentrations of all spaci
b
can be cdalculated since the association constants for all

Ly

(’h

the équilibfia assumed to be present are known., {Siﬂéé
] : k :
- L ) L - N R } § - ’
. the shieldings 'of all of thesée @pecies are also known,

*

(j

:hé ﬂténtratl ﬂ of the prctcn containing speg

éulatéa for solutions containing Bu4NC1 and an idi
s B 5 . i v 7 - L -

0.1M HBr in tetrachloro*'

- .parison betwe xvthe observed shiel s; and thé calculated

q
ine) is alsogshown in glgure 8. The cor~

va%?es (solid ° ;
'responding.co'par;sons for soiutioﬂs containing HI and .
1™ or Erg'arefshqkn;in-Figu:e 9. The detéils'of these
calculatioﬁs;a?E'prééentéd‘in the AﬁpendiQ; o | g

R C e , gt . NI
The agreement -between the calculated and observed
) " - . . : ‘ )

%
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shieldings is satisfactory. The largest discrepancies
occur at low salt concentrations and are probably due to

the neglect of complexes of the form X_(HY)n.

T

3.4 Summary
The postulated 1:1 association of HX and X~
appears to be adequafje to describe the shielding 1in solu-

tion when the+halide~ ion is in excess. The deduced bihal-

ide ion shieldings are fairly insensitive to the tempera-
turé,\the nature of the tetraalkylammonium cation, and

‘the solvent.
i The heterobihalide ion XHY appears to be formed'

when an excess of the halide ion Y ,is added to the hydro-

3

m

gen halide HX, where X has a laxger atomic pumber than X.

Tﬁe réquir?mént that ¥ has a iarqér;atomié numberffﬁﬁéén~f
§istent with a weakerfbaSé Stréngthﬁo} Y~ Comparéd to X%ﬁj
When the halrde ion added to a solution is a stronger base
than the conjugate base of the hydrogen hallde ‘present,

the proton fg transferred from the hydrogen hallde to the
"halide ions. ~ The nmr and ;r spectra of these solutlons
“could bi adequately‘ée3cribed by assuming that éhé'épecigs
present in sqlhrion are formed from ghe'producté of a 

auantitative protoditransfer reaction.

The shieldings in the homobihalide ions are
. L , . 2 * '
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remarkable in two respects. Thé downfield shifts of 13
ppu are exceptionally large and are about the lgme in all
three bihalide lions.

Some trends in the complex shifts and ﬁhe associa~
tion constants are evident. For a given hydrogen halide,
the magnitudes of thé complex shifts and the association
constants increase as the halide ién becomés smaller.
There is a good linear correlation between A and log K
for the bihalide ions containing HCl. o

The magnitudes of Ac,for the hydrogen halides
‘complexed to a given halide ion vary in the order HI >

HBr HCl. There is no consistent trend apparent in the
: k)

N

a

{4]

sQciation constants for the hydrogen halides complexed
' . . . | : 7
to.a given halide ion.

=~

H ’i B
. There has been a nmr study of the hydrdgén

\ ,brihali.de ions coﬁtainiﬂg HCOL rﬁéentl‘(x re?ortéd (91) - The
. Shie%??ngs,réported for fhe bihaliée’ions ClHdlﬁ, élHBr_,
‘and ClHI™ in sulfolane we}ce -15.9 * 0.3, ~11.7 * 0.4, and
.&§:9‘7 ﬁ;O.S ppm:dersus TMS{grespectively. These shieldings
fiaré gé; 2 ppm further dowﬂfieldréhan the correSponaing
yalugé reported herg. Theée discreéénqieskagt pfobablyi
‘agﬁ iargérto\bg the reéuitfof solvent effects. %he-prdfi

: c%gﬁré employed to spudy the bihalide ions in su?folané f

-, w§§‘81m115E to " the procedure used here, except t@atrlai—,
. ' - ' ' 8t

vt -

“ger coﬁcenﬁtations‘of HCI?Qerefused (0.2 to 0.46 ),and:




/

the shielding 1in the region of excess halide was not stu-
died. The shieldings reported for the bihalide ions in
sulfolane may not be as reliable since corrections had to

be made for the presence of water which was found at CO“?i!S{
centrations f;om 0.02 to 0.025M. At tgese concengrations |

the exchangeable water protons amounted to 10 to 20% of

the HC1 concentrationﬂ
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_ bonding on the

the bifluoride ion of the tetraethYlaﬁmonium salt dis-~

. is, consistent with the previously ‘established centro'syt -

CHAPTER 4

RESULTS OF THE NMR STUDY OF HYDROGEN FLUORIDE COMPLEXES

This chapter presents the nmr study of the hydro-

gen-bonded complexes of hydrogen fluoride. The hydrogen
)

bihalide ions of the form, FHX , where X=F, Cl, Br, and 1
were studied as well as solutions of HF in several aprotic

solvents. In these complexes of HF, the effect of hydrogen
g shielding and on the H~F nuclear spin-~

spin coupling constant can be observed in addition to the’

change in the ln shielding.

ﬂ.lﬁsiflﬁéfidé’IQﬂ fff’ T e T )

Solutions éflthe bifluoride. ion were prepared

T

directly from the tetraalkylammoniqm bifluoride salt. .
, ( : _ | f
Figures 10 and 11 show the proton and fluorine spectra of

"solved: in acetonitrile. The identical separation, in Hz,

of the peaks in_the triplet and doublet in ‘the 'H and
]

specﬁra indicate that a H~F spin-épin coupling of a pr

ton with two equivalent fluorines ig‘beiﬁg observed.

[ g

" metric structure of this ion '(2).

. The H-F ‘coupling was not observed in élprevious

> . .

nmr Study of the bifluoride ion in ahxaprbtiz“éBiQen£:(51)t
- i S 4 . S .

-

74. ' ' .
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enough to allow observation of the H~F coupling in the

77 -

or in the study of HF dissolved in aprotic solvents (52).
The only previous l~F coupling observed by nmr was 1n.
ligquid HF at very Jlow temperatures (61) . The surprisidé
lack of exchange aﬁeraging of the coupliné constant ob-

served in this study can be attributed to the lack of suf-

ficient amounts of impurities which catalyze proton trans-

fe:rr ctions (36), and to the large association Constant
for the equilibrium, . .
WA ) /
(4.1] _HF + F &= FHF
° i

A large association constant implies that the rate coh-

stant for the dissociation of FHF is rélatlv Iy small

compared to the tate constant for its formation. Conse-
quently, the average-lifetime of the FHF ion is ‘1®ng
) :

nmr spectra. fThe lifetime f FHF" can be estimated from
the line broadenlng due to EXChégge @uAt 34°, the width
Y 1

/‘
at_half-height of the abﬁqutlon feaksnof FHF in aceto-

A

nitrile was "about 5 Hz, whlch Wpuld cérrespond to a life-

~1
time of ( 5ﬂ) sec. or. 64 msee., lf the COntrlbuthn from

4

the nétural linewidth' in the_absence of.exchangd i& neg-

‘ : . i . ' ) , A
lected.. \ A ST
- PO I ! .
, -
L} ) -
' .. ./‘ ¢ ‘ ...' ““M H' N
. \ ' _"‘ L)
’ : 2
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4.1.1 Nuclear Shieldings and Cougling-Constant
' 1 19 ) o
The “H and F nuclear shieldings and the coup-
ling donstant J(HF), for the bifluoride ion are given in
Table VII1. The solvents used were acetonitrile (AN) ,
N,NHdimethylformamide (DMF) , and nitromethane (NM). The

proton and fluorine shieldings are referenced to internal

TMS and CF, re pe;t1Vely, and positive shieldings lelLdte

4

’

that the nuclei are more shielded than the referenc
‘The H-F coupling was observed in the\iPéthalDf

acetonitrile and DMF solutions at temperatures below 60°,
A ] .

but in nitromethane, sthe coupling was not observei until

o . D

the sample was cooled down

- B

o 0°. -In aceton&}rile, the

-

linewidths at halfvﬂeiqht wgre about 5 H% ats§4° and

sharpened to 1 Hz on cooling to ~30°%, The linewidths in
- ion i ;é siiqhtiy 1érqérithaﬁ in aCé'é itrile,

and in nltromethdke; the sharpest lines observed were

about S Hz at halfﬁhelght. 1n théichlorlnated solvents,

carbon tetrachjoride and sym =tetrachloréeﬁhane only a

~

single very broad peak was observed which could not be

»

resolved on cooling. . : ‘ : -

i

In the concentration range studied (fxrom 0.05

a

//to 0. SM), only small changes in the shleldlngs were

{ observed, about 0. 02 ppm for the proton ‘and 0.2 ppm for
' "the fluorine shieldlngs. There was no concentxag}on

~ N . e

‘ o . R\; ‘ -
L - ) : . o ’

w?t
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depeﬂdence observed for the coupling constant. Correspond-

ing solutions containing tetrabutylammonium bifluoride
L < o)
were also studied and there were no observable changes in

the bifluoride spectra. Therefore the bifluoride spectra

hay be regarded as substantially invariant to the concentra-

c‘and the cation. . .
; ') . :

There has been a nmr study of the bifluoride

salts of primary, secondary, tertiaxy, and quaternary

butylammOﬁium salts previously reported (51). Tﬁe spectra

webe obtalned from ‘the molten salts at 30° and the proton

v o

Slqnal of FHF was a broad singlet appearing at ~12.03 to
i \

~12.13 ppm vs. TMS. Only EuZNHZHFQ was studied in CbCl3 \
soltution and ~the proton signal of FHF was reported at

%12_67 ppm v&. TMS. The l9F shieldings reported ranged

from 150.4 to 167.79 ppm 'vs. CFCl,, for the series from the

primary §5 the quetefhary ammonium bifluoride| salts. These

i3
U

fluorine shieldings converted to;CF4 (internal) as a refer~.

4

4 A

,ence-range frdm;89 to 105 ppm. - Since the results'for

Bu4NFHF were only reported for the molten salt, a dlrect

comparlson w1th the results reported here is uncertain.
However the;}H shieldings apﬂ:ar to be 1nsen91t;ve to the

catioh*for'this series -and the discrepancy between the
[ - . .

protonéghleldlng of FHF 'in éhloroform andrthosé reported .

R

""here is too large to be attributeg to solvent effects.

/ ,\_ . &
) |

2 o s



Table VIII. Nuclkar shieldings and coupling constant in

80 .

tetraethylammonium bifluoride at infinite

dilution,
-3
' . dyr, Ppm Op, ppm
Solvent T, °C vs. TMS vs. CFy J (HF) , Hz
Fa N
3 } ‘ “A’ -
A . ) i o ] . o
AN 34  ~16.29 + 0.01 86.09 + 0.03 120.5 + 1.0
~30  ~16.37 + .0.01 '83.35 + 0.03 120.5 #0.1
#
DMF 34  -16.63 ¢+ 0.01 86.30 + 0.05 .120 1 2
40 ~16.77 + 0.0l 82.70 + 0.05 118.8 2 0.1
2
NM 34 ~15.87 £ 0,03 90,2 t 0.1 ) -
~30 . -16.27 + 0.03 87.4 # 0.1 120.5 2%0.2
g D _
\
AN, acetonitrile P .
DMF, N,N—dimethyl%ormamidé 7
NM, nitromethane '
' &
\ \;
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which is in ejcellent agreement with thd values reported.

4.1.2 Temperature Dependence o ' /

81l.

This discrepancy of 4 ppm could result from the presence
‘ v
of impurities with exchangeable protorls which are more
F: G-

shielded than the proton in FHF . Rapid exchange processes

I3

among these protons would shift the observed 1“ resonance

to high field.

The fluorine shielding of FHF  in water has also

been Qetermined (50). The concentrations of F, HF, and’’

FHF were calculated from the known equilibrium constants

N

for the formation of FHF and for ghe acid dissociation Gt:

. ' . N _ ‘
HF in water, From the observed fluorine shieldings of
- »
solutlons containing various amounts of these species, thea

T,

shielding of FHF relative to F_ was,fou#d to be 33 1.1

W,

ppn. This value is equivdlent to 89 ppmfvs. CF4 (ifiternal),

1

: “" L H
here for the aprotic solutions. ! /7

- A i
’ . *a B : /

The multlplets arising from the H-F cougy kBg A n I
ST -
FHF_‘were observed to broaden on heating and coa
70° Howevg;, on coollng, the llnew;dths were,Slgnlfl—.

cantly broader.‘ Presumably HF attacks the so vqgt at high

temperatures and produces lmpurltles whicH catalgze pro—
ton exchangeureact1ons. A 81m11ar behav1or wg; ¢bserve8 $

for FHF - in DMF solutioms. A more ext¢n51ve investigation
. , E ' ‘ . B . ~ I ] N e B [
Fnn - o :, ‘ L

e = Co -

h

.

g
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. »
of the exchange processes, which gives rise to the cdllapse

of the coupling.constamt, could not be carried out since

‘ . >
the Iine shapes were not reproducible. &

The temperature gependences of the lﬂ and 19F

' i

shieldings with respect to TMS and CF ,respectively were

4
linear in the temperature range ~-40 to 34°. These tem-
perature dependences are given in Table IX. No tempera-—

ture dependénce of the H-F coupling constant was observed

wi n the uncertainty in measuring the peak pos(&ions.

-

4.1.3 Deuterium Bifluoride Ion

B The deuterium isotope effect on the fluorine

“ . R F
shielding was determined from solutions containing a mix-

- N

ture of FHF~ anf. FDF~ in acetonitrile.  The fluorine spec~
- /trum of the tetraethylammonjium salts is shown in Figure
Eiil. The d;uterium isotope ﬁpifi,ﬂdefined as Opon- ~ O pHEF~
is +0,40 ¢ 0,02 ppm. This iSOtOpéE;fféCt was found to be
in&épéndent of the congént£agion aﬁd temperature. - The”
s isotope effect in the bifluoride ion is much smaller than
% the corresponding deuterium isotope sﬂift in hydrogen
fluofideiwhigh is 1.64ppm in thé liquid (45). and 2.5 ppm
in the gas phase (44).
- A D-F coupliﬁg constant of 18.1 + 0.3 Hz was ob-

=;\ « served for FDF in dcetonitrile at -30°. This value of
" . ot N ) . '

I



- Table IX. Temperature dependence ofrthe.shieldiﬂgs in the

bifluoride ion in the range -40 to 34 °C.

K

N\

, 3 A 2
do /4T, x 10 ch/dT, x 10
Solvent H ’ ~1 -1
ppm deg. ppm deg. ‘
acetonitrile . 1.2 + 0.1 4.3 * 0.1
N,N-dimethyl formamide < 2.0 1'0.% 4.8 * 0.2
nitromethane 6.0 t 0.7 5.7 + 0.3
L4 -
I _ -




7. directly bonde . . This coupling constané is significantly

84.
L kD ' an
J(DF) gives (vy/Y,)JOF)=117.9" ¢+ 2.1 Hz which should be equi-
-valent to J(HF)=120.5 $0.1 Hz in the absence of an 1sot0pe
effect on the coupllng constant. The difference of 2.6 % le
Hz is not signifiéant since the‘separation of the peaks éris;"
ing from the D~pP Eoupling are smaller than theﬁactual value a
of J(DF) becauée of“exchange effects Y(see sec;ion 1.2.3)..
1f the lifetime of FDF in solution is approximated by-Equa~L“
tion [1.9], Equation [1.8] wouldepredict that the observed
J(DF) is about 0.1 Hz ;maller than the actual value. A
change of this magnitude is‘suffitient to account for the

difference between (YH/§D)J(DF) and J(HF).

4.2 Heterobihalide Ions

: X . - LA AN
" The heterobihalide ions were prepared by adding *

e .

.

a sméll amount %f HF to solutions containing tetrabutyl~
- o ! i . N
ammon ium’ halide

S — | Thé nmr spectra of a dilute solution of HF in

e

acetonltrlle 1nd1cate that HF is present as HF moleculesi

A doublet with a separation of 476 Hz was observed in both

the lH and 1 F spectra. This doublet arises from a coup-

.

ling of one poton to one fluorine and the magnitude of

~ o

.. the separation strongly suggests that*these nucleli are

smaller than the coupllng constant of 521 Hz observed 1n
'llquld HF (61) whlch suggests th@$ HF is complexed to the

solvent. Infrared studies have also found that HF, 1n
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@ilute §oluti9ns in acetoﬁitriie, exisfs'as a @slgcular
complex with the solvent (92,93).

On the addition of chloride or bromide to a
0.22M solution-of HF, ﬁhe proton and fluOriAe resonances

shifted downfield and reached a limiting value inlﬁme

- Eegion of excess halide. The doublet Jdue to the H-F

Iy

~coupling oconstant collapsed when a small amount of halide

was added and reappeared only in the region of excess

halide. The H-F coupling constant in the presence of an

excess of halide was also invariant to the halide congen-
tration. These observations indicate that the heter®-

bihalide ions are formed and that the association constant
R Y

for the reaction,. i \

I

(4.3] .~ HF + X~ === FHX

where X is Cl or Br, is large. The linewidths of the
/
doublets in the spectra of FHX 'were broad but well re-

solved at ambient temperature and sharpened, on cooling

-

to -40°, to ca. 5 Hz at half-height. Figure 12 shows a

proton spectrum of FHC1 at -40° in acetonitrile.

1 19

' The "H and ~°F shieldings of FHC1™ and FHBr

were determined by the BHS equation and are presented inL{

.‘Table X.. The coupling constants reported in Table X

were- those dbserve§ in the region of a large halide ion

o



l\ A
“Ha
4
| 1 : o
~800 ~600 ~400
Hz vs. TMS dt 60 MH:z
Figure, 12. ' ‘The lH nmr spectrum of FHC1 ion.of the tetra-
n~butylammonium salt in acetonitrile at -30°.
) -

»y

A
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Table X. Nuclear shieldings and coupling constants in
the tetrabutylammonium heterobihalides in
acetonitrile.
Species T °C Oy PP “OF, ppm J(HF), Hz
Y vs. TMS vSs. CF4“
/7 L
HF 34 -7.20 + 0.05 121.4 ¢+ 0.1 479 * 4
~40 ~7.64 t 0.02 118.7 = 0.1 476 £ 1
-— ’; =
FHC1 34 -10.34 ¢t 0.06 84.6 % 0.4 404 x 2
~40  -10.43 2 0.03 83,3 + 0.3 -403.4 % 0.2
— ' N’
FHBx 34 ~-8.76 '+ 0.05 -84.4 2 0.5 428 + 2
~40 -8.88 * 0.03  83.2 4 0.3 427.1 # 0.2
- -
. FHI~ ~40 ~7.4 % 0.2 82 t 4 437 = 5
ra 7



88.

conéentration where the coupling constants were indepen-
dent of the halide ion concentration:

The dépéngence ;f the fluorine shielding and
the H—F’coupling constant on the concentration of FHX ,
where % = Cl or Br, waé studied by using solutions con-
taining a large constant amognt of X~ (0.7M)Uand varying
the HF added from 0.05 to 0.22M. The fraction of HF com-
plexed to X~ in these solutions is expegted to be almost
constant.* The fluorine shielding at -40° was found to
decrease by 0.5 ppm as the HF concentration was decreased

from 0.22 to 0.05I No change in the coupling constant

was observed within 'the uncertainty (1 Hz) in measuring

»

the peak positidns of the dilufe amples. Therefore the
values in Table X are rgprese tati>§ of the infinite
. R ,

dllutlon values.
The assoc1at10n constantvfor the formation of

FHI  was much smaller. ‘The fluorine Shleldlng and the

observed cdupling constant continued to change as the io-

dide cd .tratlon was increased and d4id not reach a lim-

iting va . This behayior is consistent with a fapid

-—/‘

. *A calcul ion, assuming a reasonable value of 100 2

mole 1 for the éequilibrium constant, found that the
‘ T Or. . ‘ ;
fraction of HF complexed in these solutions varies by

only 0.48. .
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¥

exchange procéss described b; Equation [4.3], and the
observed shieldings a;d coupling constants are population
—weighted‘averages of the solvated hydrogen fluoride and
bihalide values. The continuous resolution of the cogpling

constant indicates very little occurrence of reactions

.

such as,

P

(4.4) FHI &===F + HI,

or other processes which would ave;aée the relative orien-
tat;ons of the nuclear spins of a given H-F and result in
a collapse of the spin-spin coupling. The,kinewigths at
~40° were ca. 40 Hz at half-height which corresponds to

an average lifetime of FHI of the order of 1/40m sec. or
8 msec. In the proton spectra, the same variation of
J(ﬁF) with iodide concentration, was obsegved, but thére

was almost no change in the proton shielding. Apparently

;;the proton shieldings of HF in acetonitrile and in FHI"

Vv

are about the same.
The fluorine shielding of FHI given in Table
X was determined by a BHS analysis. At the highest con-

centratioﬂ of I~ used (0.8M) approximately 85% of the HF

was complexed to I . The coupling constant for FHI™

" listed in Table X is an average of five values calculated

fromlspectié‘ﬁhich contained well resolved doublets, The
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separation of the peaks in the dOLblet was assumed to be
a population-weighted Averageﬂof th§ coupling constants 1in
HF (476 Hz) and FHI . The amounts of HF and FHI™ presené
in ‘the solution were calculated from the observed fluorjine
shift A and the ,fluorine complex shift AC calculated from
the ?HS equation.

The association constant in acetonitrile for the
iodide complex derived from the BHS analysis was 2.8 * 0.5

\ ‘

xﬁl mole at -40°. The associgtion constant for the Cl1~
and Br complexeg could not be_determineq accurately since
the BHS method does not yield good determinationsfof large
association constants (75,76). The determinations were /
further complicated by the partial collapse of the doub-
lets in the critical equimolar region. The very broad

peaks observed in this region made it impossible to meas-

ure their positions accurately. The best estimate for the

. association constants for the formation of FHC1l and FHBr

at -40° were 250 * 100 and 100 % 50 ¢ mole—l'respectively.

4

4.3 Hydrogen Fluoride in Solution
The observed properties of hydrogen fluoride
dissolved in aprotic solvents are given in Table XI.

Gutmann's donor numbers (94) , which axe a measure of the

- solvent base strength, have beén\inéluded.
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4.3.2 Non-Basic Solvents . '
N - @
Tetramethylsilane (TMS), cyclohexane-d

‘ 127 ag’

-
trichlorofluormethane are solvents of very low basicit¥.
In these sdlvents} HF gave sharp, single-line, exchange
-averaged spectra. The signal intensities in.the TMS and
cyclohexane—dlé séiutions indicated that only a small
portion of the HF crondensed into the saﬁple tube was in
solution. The rest was presumably in the Jas phase.
These concenfratione could not be measured with any precis-
izn because of the low signal-to—noiee ratio.

The H~F coupling was not observed in these

solvents or for HF in the gas phase (44,45) because of

\
’

rapid exchange processes. The exchange process in the
gas phase has been.attrib;ted tp proton tranefef reactions
involving cyclic polymeri (45). This process could also
,acc0unt for the exchangefaveraglng.of the H-F coupllng
- observed in the non—ba51c solvents since HF is probably
self- assoc1ated to some extent in these solvents.

A qualltatlve estxmat%@pf Ahe degree of self

~assoc1atlon of the HF in the ,,f—ba31c solvents can be

obtained from a cpmparlslon of ﬁhe Proton shleldlng in

-solutlon and in the -gas phase. The gas—to—solutlon shifts

t
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¢ ! -
‘-

in the proton shieldings can be attributed ma;nly to the
effects o£ hydfoge? bogdipg sinae otherf?olvent effects N
are geéerally quite small (56). The difference§§of aBogt

1.8 ppm betwéen the proton shieldings of HF in the gas and

in the non-polar solveht§ are smaller than the difference

qf 5.7 ppm observedpbetween gaseous and 1iquid HF (44),

wh%ch is highiy self-associated. This indicates that HF,
‘dissolved in the non-polar Solvents, is significantly less
assOc}Ated than in liquid HF. The same degree of self~ '
association of the HF in these solvents cannot be assumed
from the observation that the proton shieldings are almost

identical, since solvent effects and HF concentrations are

probably different.

The fluorine shieldihgs in HF in the non-basic
solvents exhibit large gas—to—éolution shifts (defined

as @ 0 ). The fluorine shieldings,of HF in

solution = " gas ‘
the gas, given in Table XI,cannot be directly compared to

the other shieldings because the shielding in the reference,
o ]
CF,, also exhibits a gas-to-solution shift of about -6 '

\

lepm. However, all the fluorine shieldings can be con-

\ &

Mverted to the abdeﬁte,shielding scale using the values

listed in Table II. The total gés—to-solvenx shift for
HF dissolved in CFCl; and TMS is -25 ppm. ‘This shift is
‘larger than phé -20.5 ppm (44)- observed for the gas-to-

1
5
/
.




of.
‘\‘

izauid shift for pure HF. ‘Sinee HF in the non-basic
solvents is only partiéli} Self—associatea, nen%hydrogen
bondin solvent effects stfongly influence its fluorine

shielding. The solvent effects observed here are com-

parable with those‘observedifor other fluorine compoudgr.

~

Large( gas-to- solutlon shifts in the range. -3 to A6 ppm
have bden observed for the fluorine shieldings of
noq—Rolar molecules, such as SF6 and SLFA, dissolved in

non-polar solvents (95). These solvent effects have

been attrlbuted to van der Waals 1nteract10n between the

v,

solute and the solvent (95,96).
| A previous study (52) reported fluorine shieldings
ings of 130 and iBl ppm relative to CF, (internal) |
in dilu;e solutions‘of HF in carbon tetrachloride ewd'

benzene,'respectﬂyeiy, which are.infgeodfaéreementbwith

Qhose‘reported in{;ablefo for €he non-basic solvents.

4 [N

L4

4.3.2 Basic Solvents

In the basiclaprotic solventshin TabIe X1, epin

i
vooer
»

-cdﬁpled spectra of dlssolved molecular HF were: obserVed

'%f“most cases, the H ~F coupllng constant could be obServed

S5,

&

only at low temperatures

"Infrared studles of dilute solutlons of HF ;n

-

_ba51c aprotlc solvents have found ‘that HF forms blmolec-

) ular'complexesvwlth theufolvent (92). Polymers ofqﬁhe .

! - i
i,

4



form, ~-+F-H---F~H-.-B, where.B}is a Lewis base were only
Observed at HF concentrations much larger than those used
here. There appears to be very little self-association
of HF in the basic solvents studied here. The proton and
fluorine shieldings of HF dissolved in acetonitrile were
found to be independent of the concentration to within
- 0.05 ppm in the range 0,05 to 0.22M. The coupling con-
stant of HFiin acetonitrile was also found to be indepen—
dent of the HF concentration and of the temperature (from
~40 to 34°) to within 3 Hz. |
The changes observed in the Coupllng constant
when HF is dlssolved in the basic solvents are exceptlone
ally large. The fractional changes in J(HF) are about
five timeszlarqer thanrthose observed in J(lBCH) of chloro-

1..15

form (59) or "( ‘NH) of aniline (43) in the same sOlvents.

J(HF) dn HF is also'ohserved to decrease in magnltude

Whlch is' 1n contrast to the increase in the magnltudes of

ithe coupllng constants observed for chloroform and anl—
llne. The coupling constant in. HF tends to decrease as
'the base strength of the solvent as measured by the donor
numbers 1ncreases. This behavior strongly suggests that
" the decrease in the H-F é;npling constant can be attributed
to theveffects of hydrogen’bonding. ;

a ‘ | The fluorine shieldings of HF dissolved in the

%aslc solvents are ‘much smaller than that of HF *in the

. . | I\
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gas phase. These differences cannot be completely attri-
buted to thé effects of hydroﬁ!n bonding since non-hydrogen
bonding solvent effects are also important. However, the
shieldings in the basic solveTits are 10 to 30 ppm sm;ller
than the shielding observed in HF dissolved in the non-
polar solvents. These results show that the formation of
a hydrogeh bon? to the brotoq‘in HF results in a decfeasé
in the fluorinexspieldimgs.N H@wééerr£hé poor coxrelation
between the fluorine éhielaiﬁgs~andnthe basé strengths o%
the solvents indicates that btheg,effects are also imp6r~
wtant;

&

4.4 Summarxy

Figure 13 shows the relationship betweeﬂ the
proton shielding and the H-F coupling conétant,jforiﬁF
complexed to a halide ion or dissolved in a polar aprotic:
solvegt. The proton shielding and the H-F coupling con-
stant of Hf complexed to a halide ion decrease as the
base strendth of the hglide ion increases. ' The éoupling
constant of HF dissolved in the basic solvents was ob-
servea to consistently decrease' as the base strength of
the solyenﬁ increases. In Figure 13, Lhere appears  to

be an‘approximate‘trend between the coupling constant and

the proton shielding, of HF dissolved in the aprotic sol-
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Proton shielding,
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J (HF), Hz. ,

o

Figure 13. Correlation between the proton shiglding and
the coupling con;tant in hydrogen—éonded com-
plexes of hydrogen fluoridé: A, pihalide
iéns; qﬂ‘HFvin solutibn (numbérs réfer to

1

Table XI). o , i
N 4 . . .
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Figure 14. Correlation between the "H and

‘ (,4-— ‘ quhydrogen fluoride: A, ‘bihalide ions; o,.
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HF in solution (numbers refer to Table XI). -
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vents. However, Figure 13 clearly shows that there is no
common relationship between the coupling constant and the

proton shielding for HF hydrogen bonded to a halide ion

and HF hydrogen bonded tq a molecular base.

F~ was omitted from Figure 13
because it was far refipved from the other points and
fell well Lelow the drawn through the podints for
the heterobihalide'ion

Figure 14 shows tpé relationship between the

proton and fluorine shieldings- of HF.¥ Ail the shieldings
observed are smaller than theiﬁ values for HF in the gas
phase, and there is a rough trend between' the proton and
fluorine shieldings of HF dissolved in the aprotic solvents.
The 'shieldings in the bif;ﬁoride ionuare consistent with
thisrtrend but the fluorine shielainqs in the heterobihalide
ions are anomalous. 1In all four bihalide ions, the fluorine-

shieldings are almost identical.



CHAPTER 5

DISCUSSION OF THE PROTON SHIELDINGS

8

In this chapter, the decrease in the lH shield~
i

ing of the hydrogen halides on the formation of a hydrdgen
bond is discussed. The close relatlongklp between the °

charge denslty on the hydrogen and 1ts shielding is used

td’ show that the decrease in the shielding could be : )

accounted for by a lower hydrogen charge density in the
bihalide ions.® The relationship between the change in the
proton shielding and the change in e;tpalpy on the fdrma- Lf»

tion of a hydrogen bond is discussed.

5.1 Absolute Shieldings of the Hydrogen Halides o

Absolute proton shieldings may be deduced using
the absolute shielding of methane. in the gas -phase, 30.55
* 0.17 ppm (see Section 2.3) and the shield%ng of TMS in
the gas phase relative to methane (97)>‘+0 13 ppm. |
' The shieldings of the hydrogen'halldes, as mono-
mers in the gas phase, have been measured relative to
methane (78;80). Table XII presents these values together
with the absolute shleldlngs. The hydrogen hallde shield-
lngs observed ‘in solution, with the exceptlon of hydrogen
fluoride in the polar solvents, were 1 to 2 ppm less than

those in the gas. The difference arises from the reaction

~

100.

i

o



Table XII. Proton Shieldings in parts per million of

S

;
i

i
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the hydrogen halides in the gas phase.

Hydrogen halide Oux VS CH4 94X’ absolute
HF -2.10 + 0.20° ~28.45 % 0.26
HC1 +0.49 + 0.01P 31.04 + 0.17
HBr +4.34 ¢t 0.01€ 34.89 + 0.17
HI +13.25 + 0.039 43.80 + 0,17

a. Reference 44,

b. Reference 78. N ,

c. Refe:ence 79 .

d. Reference 80.

¢



‘ except those whiﬁh contaln fluorine, which were measur

102:
field of the polar molecule and van der Waals interaction
with the halogenated‘solvents (98,99).

, Table XIII presents the absolute shieldings of
the bihaiide ions in solution. se shieldings were
deteriined ffom the absolute shieldings of TMS im the gas
phase, and the relative shieldiﬁg o% the bihalide ions ref-
erenced to TMS as an internal standard. This procedure will
tend to eliminate any small solvent effects, which are typ-
, .
;.?ally about -0.3 ppm for TMS (56), if the solvent effects
on TMS énd bihalide shieldings are about the same. These
absolute shieldingsrof the bihalide ions in Table XIII are
probably comparable to the gas phase, isolated—molecule
shierﬂings, since the proton in the bihalide ion is near a
center of symmetry, where it is subject to a zero reaction
field (56), and is inaccessible to the solveﬁt. If this isv
the éase, the absolute shieldings are probably reliable to .
about 0.5 ppm, which is égtimaq§d from the ﬁncertainty in
the absolute shielding scale an& from the variation observ-

ed in the shieldings of the bihalide ions in different

solvents. The regatlve)shleldlngs llsted in Table XIII

»

are thé~average values measured igp- x tetrachloroethaze

|

‘1n acetonltrlle.‘

To dlstlngulsh the complex Shlft A o’ referenced

to the ahlelding of’the hydrogen halldes in solutlon, from

the correspondan,shlft referenced to the shleldlng of

)
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Table XIII. Proton shielding of the bihalide ions.

Bihalide 9 yny - + Ppm G*HYA, ppm | ALY, ppm*
vs. TMS absolute )
FHF ~16.30 ' 14.3 ~14.1
FHC1™ -10. 34 20.3 ~-8.1
’ EHBrhw ~8.76 21.8 ~6€.5
FHI® ~7.2 | 23.4 -5.0
C1HC1 -13.92 16.7 ~-14.3
ClHBr~ '-10.15 20.5 : ~10.5
" ClHI™ ~7.14 22.5 ~7.5
BrHBr ~10.15 20.5 . -l4.4
BrHI™ -5.06 25.6 9.3
IHI ™ -0.90 29.7 -14.0
*a ' = Oxuy- ~ %Hx (gas); for the heterobihalides O ux

* refets to the hydrogen halide containing the halogen

with theé smaller atomié¢ number.

e}
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the hydrogep halide in the gas phase, the latter will be
designated Ac'. )
The same heterobihalide, XHY , can be formed
from HX and Y or HY and X . However, if X 1is a stronger
base than Y , the reaction of HY and X will involve a
proton transfer reaction to form HX and Y . Consequenely,

Ppore
the complex shifts for the heterobihalides are defineaﬁ%s

#

where HX is the hydrogen halide containing the halogen

T

LI

X ' = —
b OxHY~ ~ %Hx

‘'with the smaller atomic number.

Theﬁeomplex shifts AC' are remarkable for their
TE.

'size, especially in the four homobihalide ions. 1In all

L

four cases, the shieldings in the homobihalide " 1ons are
about 14 ppm less than in the parent hydrogen ha%;des.
These shifts are exceptlonally large since theghydroden

¥ a?
Bh;fxs are usually of the order of -5 ppm. C33}(£f§he

ﬁ%%ge changes in the shleldlng observed on the fonmatlon
&

- of the blhalxde ion, together with their simple strud%ure

prpvides,an opportunlty to 1nvestlgate‘the,changes 1n the

electronic structure of these systems.

5.2 Proton Shielding in the Homobihalide Ions
| ‘The relatlvely small, symmetrlc electron1c struc-

‘ture of the homobihallde ions presents a chal;gnge to
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theoretical models. At present, there are accurate calcu-
lations available only for the bifluoride ion (lOQ,lOl).
Whether these ab initio calculations are able to pregfit
the shieldings in the bifluoride ion has not been deter— -
mined. Calculations based on a less accurate semi-
empirical SCF wavefunction gave Fesults for the proton
shielding in HF and’in FHF~ (102) which were .in very poor
-, .
agreement with the experimental values.
' In‘phis disoussionf a -description of the shield-

\

ings‘fn these systems will be presented ip which the w
changes in,electronic.structure and the shielding betweenxv
the hydrogen halide' HX, and the corresponding bihalide
XHX_,;will be emphasized.

If a linear, centrosymmetric structure is assumed,
the significant differences between the cor;esponding ion
‘and the molecule are the H-X internuclear‘distance (which
is roughly 20% greater in the ion) and the presence of an
extra haloéen center, with its electrons. ZIn the simplest
MO treatment (103),‘the molecule will heve,t&o"bonding‘ '
electrons and the 1on four.‘ Since both, Spec1es are axi-
ally symmetrlc, the same hydrogen and halogen orbitals may
dbe used as a ba31s in: both SRS _

It is proé%ked that the hydrogen ls orbital ‘

‘pqgulatlon pH, determines the shmeldlng in both the blhal—

’ -.1de ion and the related molecule.v Con31der, as reference

'

o
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states/aéhe completely ionic forms X H'X™ and H'Xx™. 1In
each qeﬁe, all the electrons are in spherical halide ion
confi;é;ations. Now, the average over all orientetiods,

of the shielding of an externel‘nucleus by a spherical
chan?e distribution, is QZro (l%@). McGarvey (105) has cal-
culated the shielding in purely ionic hydrogen halides. The

only nonzero term, which arises from halogen electrons at a

distance greater than the H-X distance, R, takes the form

oo

2 : x _ . \
%jonic ~ _9_7 ¥ (erl)y dat
: 3mc R k

1
t

wnege rk-is the vector from the nucleus to electron k.

Usln?-slater—type orbitals with McGarvey's exponents the
shleldipge Qége evaluated in "pure ionic" hydrogen hal-
ideskanc‘bihalides, using published bond lengths (10,11,
1063; IIn all cases, the integral at the bihellde*dis?
tance ﬁed less than half its aluevat the molecnlar dis-
tance, so the blhallde shleldz

5

tlons fnom both halogens, were only about 1 ppm less than

those in the molecules. Therefbre thls contrlbutlon to the’

shleldlng of ionic o molecules is about 5 ppm, whlle

those 1n the purely covalent forms are about terd times -

: greater. *Thus, one expects a corre3pondence between the

@

’.protoﬂ shieldlng and thif/ydrOgen electron populatlon

ngs, which 1nc1ude contrlbu—"

"
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Py r which is a measure of the covalent character.

: <

5.2.1 Theory of Proton Shielding

.

In this section a brief summary of the theory of

[ ] .
hydrogen shielding in small molecules will bé presented.

\

Ramsey :(107) derived an expression for the mag-

»

netic shielding of a nucleus in a molecgle which arises
from the‘perturbation of surroueding eleetrons produced
by an external magnetic field. This expression consists
of the sum of two terme called the diamagnetic term O 4r
and the paramagnetic term op. The relative magnitude ef
these tﬂp terms depends on ipe gauge, that is, the
choice of the origin for the magnetic vector potential.
In this discussion, only the partitioning of the shielding
~into 03 and o_ which results from the choice of the pro-
ton as the orrgin will be considered. Thehparpitioning of
the shielq;ng which arises from other choices f éauge
w;ii‘be expressed.in'terms of this definition of 94 and
ép. . N | | ,
The célculation of the shleldlng of a nucleus in
a molecule by Ramsey s expresszon requires an accurate set
'of.wavefunctions for the, molecule. "The dlaJagnetlc term,

averaged over all orlentatlons, can be calculated from the

‘ground-state wavefunction by the expresszon (107),‘
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[5.1] Od=—3‘——2—<0l£ rk
mc

) >

where T, is the radial distance of the electron k from the
‘grigina To evaluate op precisely, a detailed knowledge
of the energies and wavefunctions of all excited states

4

is needed. Various approximations which eliminate the

need .for accurage excited-stdate wavefunctions have been

Lo ik

used in theoretical calculations (108,109) . These .calcu-.
lations‘Pf op:are very sensitive to the appfoximate wave-
fgnctions used.” This greatly iimits the accuracy of theo-
rétical calculations of nuclear shieldings, saneWGd and
//7 o are usually both large in magnitude and of‘the oppo+
/ute sign. - -
The partitioning of the absolute shielding into
94 and op can also_béﬂdetermined from thé spin—rotation"i
constan; measured by moléculér beam magnetic or electfic‘
' resonance spécﬁrOSCOpy (110). For the proton shieldings

in the hydrogen halldes, o and'op have been found

da
of opposite sign and are of the order of 100 to 200 ppm

(110),. ' . ‘ i : :

l
Emplrlcally, the ShLeldlng in the hydrog%F nal—'

1des can be con31dered as the sum of two. positlve Eérms

-

[5.2] o " g =g, +0
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arises from the halogen valence electrons and is propor-

¥

tional to the observed spin-rotation constant (110). This

again implies that Odtand op contain mutually cancelling

' terms. o R
" Approximate expressions for‘od and I can be used
to derive simple expressions for the mutually cancelling
P ,

terms. Chan and Das (111) showed that Op could be sepa-

" rated into th'terms.- \,', ®
. ) I'l\. T \&‘X’ 'f.
; . . ‘ ex
5.3 Y =0 + iy
! , : ' p p P/

"which are defined im terms of a seéonggry gauge, (fhe term
G . : . ] , . - . < ex
Op depends only on ground-state wavefunctions and op
involves excited-state wavefunctions. The simplest choice

* -

of secondary gauge is at the halogen nucleus. 1In this

choice of gauge, OpG;for the hydrogen halides can be

approximated by (111)

7[5?4]: . % g = 7—2

where n is the total number of electrons in the molecule
, : by AN v
and R is the bond length.. ' /"

oo

'04 can be approXimétély separated into contri-

butions from electrons centered on different nuclei by

[5.?} : 7 ' Od’,=
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The centribution from the halogen electrons, considered as

a spherical distribution centered at a distance R from the

hydrogen, can pe expressed as

X e (n - 1)
[5.6] %q ~ 2 R

which, to the precision of the approximations, cancels
~ the term 0J

p
From Egquations {5.3] and [5.5] , the shielding

can be expressed as

{(5.71 g =0, #*J

rhe shielding due to the hydrogen ls electrons can be cal-
culated from (34),

2 N
H e 1
04 = — <lelglierey
3mc

(5.8]
where oy is the lg‘éléctron density. Experience with

hydrogen shieldings éhggests a 1§‘orbital exponent of 1.2,

which on evaluating equation [5.8) yields (34), . . -
(5.9] o g Hoa1a m
hd (\ /¢, - > DH pp =

Is

poplé (112) has formulated an expression for the halogen

term op?x. This effect is expressed as a point magnetic

dipole located at the halogen nucleus, and depends on the
_ o }
imbalance of the halogen valence 2—orbitals. 1f, the p_

orbitals are considered ‘to be filled, Pqple's.expreSSion

-
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becomes

{5.10]

where pp is thé éigma~bonding p orbital population, and~AE
is the.average excitaéion energy. To fit the observed HX
snieldings, X\E takes reasonable values of about 3 to 8 ev,
decreasing from F to I. © .

An alternate partitioning of o5 has been sug-
]

gested by Chan and Das (111). They found dpG could be
evaluated from known ground state properties and accounts

for a major portion of Up,:if the electronic centroid was »
—- L}

chosen as the origin. 1In this choice of gauge, op for

the hydrogen halides can be expressed as

-

2

— ; G' -~e (n - 1) |n n -~ 1) .2 |

where u is the dipole moment, n the total number of elec-

trons and R the 'HX bond length. The dipole moment can b%’

' approximated in terms of local charge densities by

13

[5.12] . u = ,eR(px - l), U

where Py is the o-bond electron charge density at the*halo~

gen. This yields, . . ’ - (

\' ‘)
2 . 2 ‘ ’ '
G' _ -e° .(n - 1) e (n - 1) .
F5'13] 9% = 2 R =2 nR . (2 Py) -

3mc . .. 3mc

f



112,

\‘\
Evaluating Equation [5.2] with the same appgéximations

used in the previous case, one obtains !

(5.14] g = 0 + O + g

where, as before,

o = 21.4 Py

d
and !
[5.15] o = ~937 LS VI PP R
. . - 3mc” nR Ux

The three shielding terms in Equation [5.14] may
be interpreted as follows. The first term ariSee from the
local diamegnetic shielding of the hydrogen ls electrons,
The second and third are associated with the halogen, and
"arise from the anisotropy of the diamagnetic ana para-
magnetic polerizability of the halogen valence shell (113).

The R} dependence of the second term suggests
that the R"3 aependence of ehe entire halogen termn,
assumed in Equation’[s.lOJ, may not be justified. The
poxnt dipole approxlmatlon which glves rise to the R. -3
dependence is certalnly susPect for the short-~range shleld—
ing effects inVolved in the hydrogen‘halides (114). Ae,
one would éxpect for the fleld on the axis near a tor01dal

t

'current dlstributlon, ghe R dgﬁendence of the halogen term
V4 ‘ .
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. y
is somewhat more gradual than a R—3 dependence.

.
The third term (opex ) cannot be evaluated in

this choice of gauge without knowlédge,of the excited

i

state wavefunctions. 1t can be deduced, and the relative
impbrtance of the three terms in Equation 15.14] assessed
as followse The electron populations can be estimated

from the dipole moment by Equatign [5.12]) ana Py = 2 - py

1
is assumed. cpex is taken from Chan and Das (111), who
deduced it from the observed spin rotation constant. The
resulting values which are shown in Table XIV indicate that

the shielding in the hydrogen halide molecules arise from

hydrogen and halogen electrons in roughly equal proportions,

ex are the dominant terms.

and that o,H

a énd Op

5.2.2 Dependence of the Shielding on the Charge Distribu-

tion

In both representations of the shielding, Egqua-
tions [5.7] and [5.14], tbe term odH is explicitly propor-
tional to the hydrogen charge density py. Since,Equation
[5.7]) and ls.léllhave the same éxpressiop fof odH, the

hé}ogen terms must also be egual, to the extent of the

_approximations, and therefore,

[5.16]
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Le)

Table XIV. Calculated absolute hydrogen shieldings in
the hydrogen halides in ppm.
Molecule o M o g &%’ T(EEE:?\\XObserved
, 4 A P«

HF 13 16 7 26 28.4
HC1 18 6 8 - 32 31.0
HBr 19 6 13 38 4.8
HI 20 6 22 48 43.7

i
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ex ! . : .
and o are zero in the completely 1onic

since both o
p A

ex . . .
molecule, op must also vanish in this case. Further-

more, if only o-bonding is assumed, opex.and O, are both

proportional to the asphericity of the halogen valence

shell, so Opex must also show this behavior. Consequently,
"

if the o-bond in the hydrogen halide is considered to be
formed only from the hydrogen ls orbital and one of the

halogen ZQ‘orbitals, then P = pp = 2 - Py and the shield- .

iné takes the form
(5.171 o = 21.4 p, t KX(R)-(Z - px)’

where KX(R) is a function characteristic of the halogen x.

This expression can be written in terms of the hydrogen
. e

charge density aloge as
(5.18] o (HX) = [21.4 + K, (R)]-py (HX).

It is apparent from the previous section that the R depen-

dence of Kx(R) is not simple, but it appears reasonable to

assume that it lies between R 1 anad R™3.
The shielding in the homobihalide ions will
'

also be proportlonal to the hydrogen charge den51ty if

these ions are considered to be centrosymmetrlc. The o
orbltals will have a symmetrized basis (103) and if the"

same haloéen‘and.hydrogen orbitals, used to descrlbe the

|- e Loy

i
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bonding in the hydrogen halides, are used, the four elec-

¢

trons in o orbitals can be partitioned as

[5.1%] pH + 2px = 4,

Since there are two equivalent halogen centres in a homo-

bihalide ion,  the shielding eguation corresponding to
|

Equation [5.17], will have the fomm

[5.20] o (XHX ) = 21.4 py + ZKX(R)°(2 - px)

Substituti Equaﬁion [5.19] into Equation (5.20] yields -
[5.21] o(XHX ) = [21.4 + gx(x)l-pﬂ(xux’).

+ Since KX(R) is the same function of R in the hydrogen
halide and the corresponding bihélide ion, the shielding
in the ioﬁ has the Sahp functional form as that in the
molecule. |

In-this discussion, the participation of the
‘_haloéen 2s orbital in the o-bonding has been neglected.
HoweVef, the form of Eéuation [5;21] will not be affected
if the hybridization in HX afl XHX is the same since o
- and Py will be related by a stant factor.

'5.2.3 Evaluation of thé'Chargg"Dénsities
 The hydrogen ls electron density in the homo-

Vo .
o
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bihalide ions can be estim d as follows. (HX) . is

Ph
determined from the dipole moment (115) of the molecule.
Using'Equation {5.18], KX(R) at the HX bond distance 1is
determined from the shielding of HX. , Taking R in the
bihalide ion as‘one—haif of the haloéen—halogen‘distance,
pH(XHX—) can be evaluated using Equation [5.21] if the R
dependence of KX(R) is assumed. This was done assuming

1 and R—3 dependence, and the results are presented

both R~
in Table XV.

These values of the charge densities are rather
crude estimates. However, they clearly show that a sig-
nificant decrease of the hydrogen charge density occurs on
formation of a hydrogen bond. This conclusion does not
depend on thé method of evaluating the molecular charge
separation; that based on the dipole moment was used as
a cdnvenient and represgntative example. Due to the simple
'R dependence qf the halogen terms, the shielding midway
'between'the halogens will have dox/dr = 0, where r is the
displacement along the internuclear axis, Consequently,
the shielding model is not critically dependént on the

R ‘
symmetry of the ioﬁ; the érOton could be displaced from
the center of symméfiy‘without large change in the shield-
ing.. |

The neglect of the variation in excitation

7
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energy, AE, which explicitly appears in the temm opex in

Equation [5.10], does not affect the arguments used to
predict a lower hydrogen charge density in‘the bihalide
ions. The halogen term arises from the mixing of the
ground and excited statés by the magnetic field and 1is
‘pFOportional to the reciprocal of the energy separations
between these siates (112). The average excitation energy,
AE, is an approximation which represents these energy dif-
ferencds. Theoretical calculations (116) have predicted
that the orbital energies, of the occupied orbitals in a
proton donor molecule, increaée in energy onﬂthé;formation
of a hydrogen bond. This suggests that AE would be smal-
lér in the bihalide ion than 'in the corresponding hydro-
gen halide. This change in AE would increase o and an
even lower hydrogén charge density would be required to :
account for the decrease in the snielding.

A recent‘theoretical study (iOO) has shown that
the hydrogen charge density in FHF~ is lower than that in
HF. Furthermore, other theoretical studies (116) héve
1ndlcated that 'the decrease in the hydrogen ‘charge den31ty

in the proton donor molecule is probably a general feature

of hydrogen bonding.
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5.3 Proton Shielding in the Heterobihalide Ions

The contributions to the proton shielding in the
heterobinalide jons are analogous to those in the hamobi-
halide ions except that the contrlbutions from the two
halogens will no longer be equivalent. In the heterobi-
halide ion X-H---Y , the proton shielding can be divided
into three positive coneributidns, Oyr Oy and Oyr each
arising from the electrons associated with the correspond-
ing nucleus. The changes in these .terms oOn the formation
of a heterobihalide can be qualitatively predicted on the
basis of the shielding model for the hydrogen halides
discussed in the previous section.

A slmple electrostatic model does account for
the trends observed in the complex snlfts,'Ac', ggmmarlzeax
in Table XIII. As the anion Y approaches the positive end'
. of the nydrogen halide molecule HX, the electronsvin the
bond will be polarized towards the halogen X. ﬂ?his bolar— .
izetion will produce a decrease in<lhe proton‘shielding
since onwill dec;ease asba‘result of the smaller hydrogen
| charge éensity and o, will decrease as a result of the
larger halogen charge densxty. 'Consequently, ._e'magni~'
tude of‘A of a given hydrogen halide would lncrease w1th

,thesstronger electrlc fleld of the smaller anion, and the

’more polarlzable hydrogen halides would show 1arger changes
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when complexed to a given halide ion. All%thgkcomplex
shifts in Table XIII are consistent with these trends.
.However, this simplg electros#atic‘model, which assumes
that the electron distribdtion on the anion Y is not
changed, is certainly invalid for the h;mobihalide ions
and is presumably also invalid fof the heterobihalide ions.
on the formation of a centrosymmetric homobihalide ion from
HX and X , the electron redistribution is expected to
result in a lower charge density of the hydrqgen and an
equal sharing of the negative charge on the halogens.

These changes should also occur, to a lesser extent, in the
heterobihalide ions. Consequently, in the heterobihaliée
ion X—H'--Y_, Ox will be reduced due to the larger charge
density on X and the larger X-H distance. The loss of the
spherical electron distribution of ¥, will result in a
positive shielding contribution 0y Thig contribution
would be expected to inCrease as the hydrogen bond in
X-H---Y became stronger- and reach itg'mAximum value in

the homobihalide ion YHY . &
. ’ S

i

5.4 Electrostatic Model
—= —

The importance of the shielding term cy, for

the bihé&ide ion>X4H~-‘Y—, can be conside;ed by estimating

.;"’_
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("3
the shifts Ac which would arise from_an electrostatic
model of the hydrogen bond. In this model, the hydrogen

bond is considered to result from an electrostatic inter-

action betheén the electric field of the anion, gqpsidered
2
as a point charge, with the dipole and induced dipole of

. the hydrogen halide. Consequently the change in the proton

shielding must be considered only in terms of the electron
redistribution in the molecule. The shift 4, of the
shielding of a proton in an electric field has been des-

cribed by (98,99,117,118)

— o 2
[5.22] - b, = -AE, - BE

where Ez is the component of the electric fitld along the
bond. The parameter A is a characteristic of the X-H bond,

and B iszusually assumed tq have the hydrogen—-atom value

~18

of 0.738 x 10 esu (119). This model has been used to

explain the downfield shifts of the proton observed in

‘weak hydrogen bonds (40,49,118,120,121). The values of

A and B for HCl1l have been found toeﬁe 40 x 1012 esu and

18

0.38 x 10~ esu réspeqtively frqm.studies.of intermolec--

»

ula: Shieiding effects in gases (78);'corre6ponding-values

2

for HBr-have been fouhd to be 65 x 10~ esu‘dnd‘l.GO X

lOfrB gsﬁ for A and B respegtively”(lil). Equation [5;22]

cannot‘bé accurately\appiied to the heterobihalide ions

€’
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since the internuclear digtances are not known. However,

LS *

AE calculaﬁed from Equation [5.22] greatly exceeds Aé for
any reasonable interaction distance (assuming a linegr
structure) . For example, to produce an electric field{'ev~
aluated at the midpoint of the HCllbond; necessary to acc—
ount for thé observed shift in Cl—H-*-IH,\the iodide ion
W%Pld haverto be placed at a distance of 5 ;. Since the
ionic radius of the iodide ion 1is 2.16 ;, this is an unrea-
sonably 1long distance. Moving the ion to a moxe reasonable
position closer to_éhe proton would result in a deshielding
which is much larger than that observdd. This clearly in-
:dicates the . need for the additional positive contribution

o _. The covalent bonding in the hydrpgen bond would treate

: ! \
an anisotropy in the electron distribution of 7
the anion which would result in a positive shielding cont-
ribution. "

The electrostatlc model gives a surprlgingly

good account of the energies of formation of the bihalide

»

“*ions, prov1ded that the polarization terms are included
(120) Table XVI _presents the calculated ion-molecule

electrostatic en@rgles. U is the energy of the molec-

. ‘ dip
g?ularﬁdipole, andUpol the energy of the a?duced dipole,

A

aE, in the ionic field (120), Both%dipoles.are taken at

the center of the HX bond. The unknbwn:heterabihalide

halogen—halogen dlstances were taken as 0.5 A less than |,

-
I

S
s
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. . .
Table XVI. Cgmputed Ion~Molecule Electrostatic Potential .
/ ’
Energies (Kcal moleHl)a f
b 24° o
, te
Ion u, D ) X 10 , Udip Upol Total
I

FHF 1.74 0.96 ~37 ~15 ~52
FHC1™ ~25 ~7 ~32
FHBL ~22 ~5 -27
FHI ™ -18 ~4 ~22

- C1HC1™ 1.07 3,13 -12 ~13 ~25

. ClHBr - : ~11 ~11 ~22
C1HI ™ | -9 -8 ~17

0.79 4,22 -8 ~14 ~22
! :

~6 ~10 ~16

0.38 6.58 -3 ~13 ~16

a. The available e¥perihental valueéiare §ummariéed in
Table I;

b. Reference 115.

c. Eandolt~qunstein, "zahlenwerten und Funktionen“ . ,

[

(Springér,-Berlin, 1951), Vol. 1, Part 3.
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the sum of the iénic radii of the halogens, which corres-
pond; to the behavior observed in the homobihalide ions.
This simple computation reproduces the observed
trends in the erergies of formatiom for the homobihalide
ions and for the series involving a common proton donor
(see Table I). However, the prdicted trends in the ener-
gies of formation of the hydrogen bihalides in the series
involving a common halide ion are incorrect. The energies
of formation of various proton donors complexed to Cl  in
the gas phase has been found to increase in magnitude with,
the gas-phase acidity of the proton donor (32). Therefore -

‘ -
the AH for complexes such as X-H---I should decrease in

3

magnitude in the order

IHI~ » BrHI~ » ClHI  » FHI

L

The calculated values in Table XV do not reproduce this
trend. This may be the result of the rather drastic assump-
tions made regarding the interaction distances, since the

relative sizes of the calculated AH's in this series are very

sensitive to the distance<gsed.

5.5 Dependence of Proton Shielding on Hydrogen Bond Strength

.The dependence of the complex shift on the strength
of the hydrogen bond, defined as -AH for the formation of

the bond in the gas phase, cannot be directly determined

,('7

LH
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since reliable AH's are not available for all of the bihal-
ide ions. However, some indirect measures of AH can be
used.

Kebarle and coworkers (123) found a linear cor-
relation between the enthalpies for the formation of 1:1
hydrogen-bonded complexes between H,0 and a number of
anions in the gas phase, and the broton affinities of the
anions. The proton affinity of an énion B  is defined as
the enthalpy change for the gas-phase reaction

B-H ———> B~ + g

’

and can be calculated from

PA(B") = D(B - H) + I, 1) - EA (B) ,
where PA, D: Ip' ané EA are the proton affinity, bond
dissociation enérgy, ionization potential, and electron
\
affinit&,irespectively.,

" The dependence of the complex shift Ac', for a
given proton donér, on PA(E—) of the ﬁalide ions i's shown
in Figure 15. The data for the chloroform (120) and P
' metéaﬁol (lb4) halide ionrcomplexesrﬂave been included
as examﬁles of much weaker acids.

Foﬁ.a given proton donor, the decrease in the
lH shielding ds hydrogen bohding is related tolthe proton

affihity as a measure of the protom acceptor basicity., This
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Figure 15.

1 - 1 _ 1

320 340 360

Proton affinifieé, kc;ol mole ™!

Dependence of the complex shifts on the proton

,affinitieé?of the halide ions. rData for

cnloroform and methanol were taken from

references 120 and 124, respectlvely Complex

© shifts are referenced to the shieldlng of the

proton donor in the gas phase except for

chloroform.
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is especially evident for the HF complexes where a wide
range of base strengths is available. Since the proton

affinities of the anions have been demonstrated to be

proportional to the strength of the hydrogen bond formed
with a given proton donor (123), the nmr shifts for a given
proton donor must also be proportional to the strength of
the hydrogen sond. This trend is also predictéd by the
energfés calculated in Table XVI from an electrostat}c gédel.
Several linear enthalpy-complex shift correlations h;ve
alsb'been found for the interactions of a proton donor
with various molecular Lewis bases in inert solvents (35,
125—127{.

.Unfortunately the relationships shown in Figure
15 are expected to hold only for the halide ions. Consider
for example, the hydrogen bonded complexes of HF of the
form‘F—H---Y, Qh?re Y is any proton acceptor. The contri-

bution ¢ produced by the electron distribution of Y, 'to

Y’
the localimagnetic field at the proton need not be rélated
] i - .
to the strength of the hydrogen bond. gy is produced by
the anisotropic susceptibility of the electron distribution
at the bonding site of Y in the complex_(34). For the
halide ions, this anisotropy‘is created by the formation

‘of the hydrégen bond and could be7expected to be propor-

tional to the strength of the interaction. The aniso-

~

~

oA
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tropy, created or already present, in pfqton acceptors
with different structures would not be expected to have a
simple dependence on the strength of the hydrogen bond.

This can be shown by a comparision of the complex
™ i :

Y

shift between the HF complexes with the halide ions and
those with the molecular bases. These shifts can be com-
pafed by using the change in the infrared stretch frequency,
A%, 6f7the HF bond (92,128) as ah apprbximate measure of
the hydrogen bond strength (35). Fi§ure 16 shows that AC’
for the bihalide ions are generally much smaller in magni-
tude’ than the AC' observed in\the HF complexes with the
molecular bases with comparable AV's. This suggests that
the deshielding observed in a bihalide ion, FH-Y, is smaller
than that in a FH-molecular base éomplexlwitﬂ the same
. interaction énergy. Therefore the éhielding arising from
the anisotropy of the halogen Y in X-H---Y is positive .
and important in the bihalide ions. .

In summary, the behavioriof the proton shiélaing
of hydrogen fiuoride cOmplexed t6 . various éroton acceptors
clearly indicates that the change in the proton shielding
of a reference proton ééceptér is ndt a reliable measure of
base strengths, exceét for bases which are very similar in
‘structure. For example, FHI“‘igiformed in acetonitrile,
indicating that I~ is a stronger base than acetonitrile, al-
though the proton shididing in FHI™ is about the same as‘in‘

the FH-acetonitrile complex.
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Figure 16. Correlation between tne changes in the 1H
shielding and the ir stretch frequehcy of
hydrogen fluoride: o, bihalide ions; A, HF

in solution (numbers refer to Table XI).
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There have been very few studies of the depen-
dence of AC on AH, for proton donors complexed to a refer-
ence base. Recently, a linear correlation between 4 and
AH was found for a small number of proton donors complexed
to l;azabicyclo[z.z.2]0Ctane (121). The enthalpy changes
for the formation of the hydrogen-bonded complexes were
measured in hexane and corrected for the solvation ener-
gies of the proton donors. The particular nitrogen ba;e
was chosen to minimize the neighbour anisotropy effect,
and five ~CH, ~NH, and -OH proton donors were used.

fhere are a few gas-phase enthalpy measurements
available for jion-molecule reactions (32). Measurements
‘of the enthglpy of formations between various protgh don-

ors and a reference anion found the following order for

|

!
HBr > HCl »>>» CHCl3 > HF = CH

~0H (32): —

3OH.

This trend for AH can be compared;with the trends observed
in the proton shieldings of sevefal proton donors com-
pleked to a reference base. In addition to 4., the slopes
of the lines invFigure 15 can also provide a méasure of
ﬁﬁe effect of hydrogen bonding on the proton shielding of
various proton donors. The slopes, defingd as’do/d(PA),

represents the raté of change in shielding with base

5 .
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strength. Both AC' and do/d (PA) predict the same trend for
for the proton gonors but do/d(PA) has the advantage thatr
the gas-phase shieldings of the proton donors ate not need-
ed. The complex shifts A (referenced to theﬂproto&f&hield-
ing of the proton donor in solution) measured in différent
solvents are difficult to compare since the shielding of
the proton donor cah be strongly affected by the solvent,
especially in polar solvents. fOn the other hand, the
shielding of the hydrogen-bonded complex is rather insensit-~.
ive to the solvent since the hydrogen is not exposed to
to the solvent. Consequently, the\variation in the
shieldings of various complexes,involving a common proton
donér,with the base strength (such aé do/d (PA) ) should ﬁot
be strongly affected by the solvent.

Figure 15 shows that thé magnitudes of the

changes in the proton shieldings are in the following order:
HBr-> HCl1 > HF > CHéOH > CHCIB.

The changes in shielding for the hydrogen halides follows

the same order as the changes in enthalpy, but the rela- |

tive order of HF,_CH3

two series. Phis discrepancy in the order o

OH, and cuci3 is different in these
znthese tﬁree

proton donors is not too surprising since the range of

AH's for these proton donors complexed to C1  only vary’
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from -14.1 to -15.2 kcal mole © (32). Consequently, other
factors could control the relative order of’AC. The order
observed for AC in these five proton donors is consistent
with the order of the X-H bond polariéébilities (122). A

correlation has also been observeq (122) between th. bond
polarizabilities, and the A conéﬁgnt in Equation [5.22]
which is a measure of the electric field effects on the
proton shielding. This indicates that the bond polariz-
ability may domi?ate the relative order of a5 for com-
plexes in whﬁs&‘ﬁhe AH's for the formation of the hydro-
gen bond aré.éimilar. 1f this is the case, A ;ould be

unreliable in predicting the order of AH for acids

complexed to a reference base.
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CHAPTER 6

DISCUSSION OF THE FLUORINE SHIELDINGS

lgF shield-

In this cﬁapter the decrease in the
ing of hydrogen fluoride on the formation of a hydrogen
bond is discussed. A reasonable qualitative explanation
for this behavior could not be found within the scdpe of
presently accepted models which account for the shieldings
in simple fluorides.

T

6.1 Effect of Hydrogen Bonding

The 19F shieldings, observed fér HF dissolved
in various aprotic solvents, all show a marked decrease
with resPéct”to the shielding of HF in the gas phase. 7The
large differences between the;lgF shielding of HF in the |
gas phase and in nqn—basic soivents indicate that sélvent
effects‘;n addition to hydrogen bonding are appreciable.
The gas~to-solution shifts of ca. -25 ppm should be con-
side\recf as maximum values fo@f these solvent effects since
part of this shift may resﬁit from the‘éffgcts of the
19

‘self-association of HF in solution. The

F shieldings of
\ ' .

HFiaisso;ved in the basic solvents are 10 to 27 ppm less
than thOse observed‘in noh-pQIAr solvents. If the non-

.'h¥drogen ponding effects are assumed to be ‘about the same

(BN
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in all tﬁése solvents, the additional deshielding in the
basic solvents can be attributed to the effects of hydrogen
bonding to the solvent. The 19F shieldings tend to decrease
with increasiné base strength of the solvent defined by

the Donor Number scale (94). These limited data indicate
19

<

that the F shielding generally tend to decrease with

increasing stren?th of the hydrogen bond formed between HF
and the solvent. .
\, .
Even larger chahges in, the

\
observed on the formation of the bihalide jons. A surpris-~

l9F shielding are

ing feature is the v1rtually identlcal l9F shie%@ing in
all four fluorine-containing bihalide ions. This behavior
is in contrast to the large differences\ﬁh the IH shield-
ings and the. H-F coupling constantg\obserféd in these ions.
The decrease in both lH:an\»lgF shieldings in
HF on the formation of a hydrogen bond 1s difflcult to
understand. 1In the previous chapter, the decresse in the
lH‘shielding was‘lnterpreted in terms of ; charQe‘redis—
trlbutlon which results in a decrease in the charge den~
81ty at the hydrogen and an Lﬁ%réase in that of the fluor-
1ne.‘ From the behav1or of 19F sh1eld1ngs 1n blnafy fluor-
ides, the sh1eld1ng in HF would be . expected to éncrease '
with a larger fiuorine charge den31ty (965 Howevér, the
eva;lable data do.lndlcate» that‘the ﬁecrease 1n the shleld—
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ing of the atom bonded to the electrophilic hydrogen in
the o}oton donor molecule is a general feature of hydrogen
bonding. There is a very limited number of examples in
which the effect of hydrogen bonding on these shieldings

as been definite established. 7The C shiel ing in
has been definitely blished. The 3 ield

chloroform (38) and the 155 shieldings in pyrroles and

indole (39) have been shown to decrease on the formation
of a h&drqgen bond. A decrease in the 17O shielding of
methanol dissolved ih dichloromethane was observed Qn the
addition of tetrabutylammonium halide. 1In most of the
other examples mentioned in Chapter 1, the/éffect of form-
ing a hydrogen bond to the electIOphilic hydrogen is dif-
ficult to separate from other solvent effects.

The changes in the shielding of the heavy atom
at the hydrogen bonding site are wvery poorly understood
because of the limited amount 6&f experlment |l data and

w, .
the lack of theoretlcal studles of the sh1éfdl in
hydrogen-bonded complexes In the following sggilon a
theory ‘of fluorine(shleldlngs is presented which wéﬁé be
used to qualitatlvely disouss some of the possible. exggpn—e
19

at1ons for the behavzor of F shleldzngs in hydrogen-

- bonded complexes of HF..
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6.2 Tﬁeorxiof Fiuorine Shielding

In the previous chapter, the proton shieldings
were discussed in terms of atomic contriputions. A simi-
lar model has been found to be useful in the interpreta-

tion of the large varidtion of the shieldings observed

for 19F and other heavy nuclei (129-132). The shielding

of a nucleus with electrons in g;ofbitals can be approxi-

mately separated into two contributions,

(1) (2)

jS.l] ' g = g + O .

Thejlocél diamagnetic contribu{ion)o(l) and the local

(22

" paramagnetic contrlbutlon o arise from the electrons

assoéiated with the fluoriné nucleus. The shielding con-
%EribgtiOnS'arising from electfons in other parts of the
*moleculp,arg smaliicoméared to the local coﬁtr?putiens
E(ili).;ﬁ‘ 5 gg o .

Ramsey's e€xpressions- (107) for dlamqgnetlc and

paramagnetlc shielding contrlbutlons contaln terms, whlch

(1) (2)

can be identified with o and ¢ in Equation [6. l]

If the nucleus N is chosen to be the Orlgln of the mag-

F

netlc vector potentlfl then the total paramaghetlc term

b for gucleus{N can be related to the experimentally

o -

lobserfed spin-rotation tensor by
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\ 2 Z
—Q N'
[6-2] [o} = + O
P 3pc? N;éN' RN ST
" where
2
t6.3] 9sr T ,__:Szﬁ_“,_z “Naataa
12Mmc gNBN & ¢

ZN' is the atomic number of nucleus N' at a distance RNN'
from nucleus N, M is the mass of the proton, 9y is the g
value of nucleus N, and B is the nuclear magneton. The

CNaa are the three prlncipal components’ of the‘pp1n~

rotation tensor and I xaq are the three moments of inertia.
Flygare and Goodisman (133) proposed a simple

but, accurate method of,estimatiﬂg 94 which does not

require a knowledge of ‘the molecular wavefunctlon.

! . ez ZN' ‘w 7
(free atom) + L L\ J

(6.4]
° 3mc™ N#N' RNﬂ?

= O

d d

04 (free atom) is the diamagnetié;shielding of thé iso~-
1ated;atom N. ia %

| The following expre551on for heavy atom shield-
:1ngs can be ogtalned by substxtutlng Equations [6.2] .and’

[6.4] into Equation [6.1}: - - ' .V

[6.5] ~? = 04 (free atom) + Tgre o :

This equation gives a géod accouns,of the fluo;ine,shield-

‘:?é in small molecules. A tabulation of the known values

|

-
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of Osr for fluorine compounds has recently been published
(134). In practically every case, (g - Osr) was within a
few ppm of the ya%ue pf 471 ppm, calculated for %3 (free
atom) (135-137). For example, dsr fof(gaseous HF has been
measured to bg‘—57 ppm (62). Therefore Eguation [6.5])

19F shielding of HF to be 471 ~ 57 = 414 ppm,

predicts,tﬂe
which agrees well with the established value of 410 ppm
(72) . This is typical of the agreement found for simple
’fluorine compounds in the gas phase. |
P

The local diamagnetic cont;ibution o(l), in
. BEquation [6.1], represents the expectation value of L
for the electrons associated with the nucleus. The calcu~
lated values of o(l) for F atom and F~ ion, which repre-
sents' the extreme case, differ by only 10 ppm (133, 137,
138). Therefore it is reasonable to identify 0(1) with
o4 (freé atom) for fluorine shie%dings in all compounds.
It fpllows then, as squestediby\Chan and Oubin (139),
that 6(2) can be equated toicsr. Thus‘the variation in
fluorine ;hieldings must be attributed to changes in 0(2).,
Empirically, o(z)zis usually negative. It is closely
relaéed tq the ionic character of the bond to fluorine (96{.
It is zero in the isolated fluoride ion (112) and -690 ppm
in F, (134). .

Karplus and Das (130) derivéd an. expression for

i
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0(2) for fluorine which can be written as,

(2)

(6.6] 07 = 0o l(Py + B 4P )
%(Pxxpyy * Pnyzz * Pxxpzz)]
where ,
2,2 v
- 2e“h -3 '
[6.7] g, = -?—7—-<r >, .
3m~ ¢ AE ’p

PXx' Pyy’ and PZz are the populations of the 2p orbitals,

<r—3> is the expectation value of r—3 for the 2p elec-

2p
trons, and AE is the average excitation energy.  This

equation can be simplified to (130)

- (2) o ,
(6.8] o = 0oll -5 ~ 1T+ %(p, + py)l

where I is the ionic character of thé'bond, s the degree
of sp hybridization, and pxlfn& p. are related to tﬁe
double bondlCharactgr (eig.\B; = Zi—abxx);

The most ﬁseful applications of Equatioﬁ (6.8]
are in calculating differénces in fluorihe;shiéldings for
closely related molecules where o, can be assuimed to be

constant (130).

6.3 Application to Hydrogen Bonding'qgtﬂF

The description of '°F shielding in terms of
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local contributions can be used to qualitatively discuss

the effect of hydrogen bonding on the l9F shielding of HF.

The decrease in the l9F shielding of HF can be assigned

to changes in the local paramagnetic term since the local
diamaénetic term can reasonably be expected to be nearly
constant.

The expression for 0(2), in Equation [6.8), can

-

be further simplified to

(6.9] o L. -1 - 8 :

if nbonding is neglected. Chan and bubin have estimated
a value of g, = -400 ppm for unperturbed HF by assuming

s = 0 and an ionic character I of 0.86 obtained from an |
electronegativity versus ionic character relationship (140).\f
.Thus Equation [6.9] predicts that o(z)i for HF perturbéd

by a hydroden bond, wilil be sensiéivé to changes in I or

S, since the term (1 -~ I - s) is small. However, as sum-
marized inrthe following paragrabhs; changes éXpected in

{1l -I-s) or in g, were either in the wrong direction,

\ - . -
or too small to account for the variation in 0(22 need to

‘19

interpret the observed R shiéldings .

An electrostatlc model, based on the polariza-

tion of the H-X bond by the proton acceptor, would predict

' an increase in the ionic character, I, of the bond, in the:
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sense vt - X7. Recent theoretical calculations (116) of
the electronic structure of small hydrogen-bonded complexes
have also consistently predicted—an increase in the elec-
hgfon density of X. An increase in the ionilc character
wéuld reduce the magpitude of 0(2) which would tend to
increase the fluorine shielding.

To explain the.decrease in the 14N shieldings oﬁ
pyrroles, amides, and indole on the ‘formation of hydrogen
bonds to the N-H protoné, a mechanism involving an e}eCH
tron redistribution from the nitrogen atom towards other
parts of the molecule was suggested (39,40). This type of
electron redistribution would not be possible in hydrc%en
fluoride. Conseqﬁently, other effects, which will domin-
ate the additional shielding contribution resulting from
the increase in the fluorine charge density, are required

! e ) 19

to explain the observed decrease in the F shielding.

The change in the sp hybridization term, s, on
the formation of a hydrogen bond is very difficult to esti-

mate. However, since the degree of sp hybridization of
-

the fluorlne valence orbltals is probably small (130,137),

a decrease ' in s cannot be expected to account for the

iobserved 1ncrease in the magnitude of 0(2)

-

An increase in <r 3529 in Equation [6.7] has been

suggested to account forlthe‘decreaSe of the 13C shielding

. ' Coe
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of chloroform on the formation of a hydrogen bond (38).

%ﬁg repulsion of the C-H electrons towards the carbon nuc-
 iéus was expected to shorten the average distance of Z2p
orbitals and thus increase <r_3>2p. However, in unperturbed
molecules, <r"3>2p is expected to decrease with an increase
in tge electron density of the 2p orbital (131). As elec-
trons are added to an atom, the effective puclear charge

is decreased, the orbital expands, and r~3 becomes smaller
causing a increase in the shielding. The dependence of

-3

<r > on the bond length has also been considered (132).

, 2p
<r }2p was shown to decrease as the bond length increased.
1f this, is the case, hydrogen bonding to HF would result

in a decrease inr<r*3> , due to the larger charge density
\

2p .
on the fluorine and the larger bond length, which would
tend to increase the shielding.

‘The average excitation energy,’ Ak in Equation
[6.7], was i;troduced to approximate the individual energy
differences between the ground andrexci£ed states, in order
‘to reduce the summation over excited states to a single
term depénding only on the ground-state wavefunction (130).
In this process the exact physical interpretation/ of AL
is lost and AE must be considered as a semi-empirica; para-

meter. The value of AE is usually assumed to be not less

than the lowest electronic transition from the ground to
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the excited state (96). Theoretical studies on hydrogen
bonding have shown that the molecular orbital cnergies‘of
the proton donors increase in energy, and that there is a
good correlation between the average change in the molecu-
lar orbital energies and the totgl energy change (141) >
involved in the formation of a hydrogen bond. Increases

of up to 10% were calculated for the orbital energies in

the proton donor molecule for a complex ,such as FH---NH3
€141) . Thereforerthe effective AE in the expression for
0(2) should be smaller in the hydrOgénagonded complex than
in the unassociated proton donor molecule. The decrease

iin AE is in the right direction needed to produce. a de-
crease in the shielding but does not appear to he large
enough to account for the observed trend.

‘ The interpretation of the effect of thrOgen
bonding on the 19F shielding contributions is thus ﬁnsati
visfactory. This model, which has been successfully ap-
"plied to unperturbed molecules, would predict an increase

19

in the ~’F shielding on the basis of the increased ionic

character of H-F bond expected on the formation of a hydro-

gen bond., Although the decrease in the energy separations
between the occupied and unoccupied molecular orpitals are

important, there is no indication that this effect will

.dominate, and control the observed tiehds in the shield-



ings.

A more elaborate model appears to be d%eded to
explain the behavior observed in the 19F shieldings. The
expression for 0(2) given by Equation [6.7]—does‘%ot
appear to adequately describe;the local paramagnetic shield-
ing in hydrogen-bonded complexes. The ionic character or
even accurate gross atomic orbital populations may not
accurately reflect the electron distribution which gives
rise to the paramagnetic term. Calculations based&yh accu-
rate molecular wavefunctions for the hydrogen-bonded com-
plexes are pzbbably needed to interpret the shielding of

the nuclei in heavy atoms.
(5



CHAPTER 7

\‘

DISCUSSION OF THE COUPLING CONSTANT

In this chapter the effect of hydrogen bonding
on the H-F coupling constant of hydrogen fluoride is dis-
cussed. The increased ionic character of the H~F bond in
the hydrogen-bonded complex is suggested as a possible
explanation for the trend observed in the H-F coupling

constants,

7.1 Effect of Hydrogen BonZi&g

The H-F coupling constant in gaseous hydrogen
fluoride, deduced from molecular beam electric resonance®
me;surements, is +530 % 25 Hz (62). 1In liquid hydrogen
fluoride at low temperatures, a coupling constant of 521
Hz!was observed in t;e nmr spectra (61). The H-F coupling
constant decreases when hydrogen fluoride is dissolved in
a basic aprdticrsolvent o; cOmplexed to a halide ion. The
effect of hydrogen bonding on the‘g;upling’constant in
hydrogen fluoride is exgeptionally large compared to the
fractional changes¢ previously reported for other' one

t r :
~bond coupiﬁﬁérdonstaﬁts. The fractional change in J(HF)

ezt . .-
-is about a fdctor of five larger than that observed for

13c_4 (56,59,60) or 1 N-H (43) proton donor dissolved in

- 146. .
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the same basic solvents. A more interesting difference is
the direction of the change in the coupling constants. An
increase in the magnitude of lJ(13CH) of C-H proton donors .
has been consistently observed on the formation of a hyaro—
gen bond (56-58). The increase observed in the ma;nituder
of lJ(lsNH) in aniline has also been attributed to t?e
formation of a hydrogen bond to N-H (43).

In order to compare the direction of the change

in the coupling constant in the absolute sénse, it is use-

ful to use the reduced ¢oupling constant defined as (143)

: , 2n , :
(7.1] K(AB) = —=—— _— J(AB),
NI

7

where Ya's is %he product of the magnetogyric ratios of
the:coupled nuclei. Tﬁgﬁreduced coupling constant depends
only on the electronic environmgnt which couples the
nuclei and does not deéen? on nuélear magnetic, properties.
The reduced coupling constants between lH dir- |

ectly bonded to 13C, 15N, and 19

F are all positive (62,

142) . Therefore the decrease of K(HF) in hydrogen fluor-
ide on hydrogen bonding is also‘in the opposite direction
to the changes in lK(13CH) and lK(lSNH),‘in the absolute

sense.

"
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7.2 Theory of Nuclear Spin-Spin Coupling

The theory of the electron coupled interactions

between nuclear spins in a molecule was originally pro-

posed by Ramsey (144). The interaction energy between two

nuclei, which gives rise to the observed coupling in the

i
[

high resolution nmr spectra of fluorine, takes the form

= » Q
Epp = K(AB) u,hg. -

_
Thus, the reduced coupling constant K(AB) is defined as
the proportionality constant between the interaction

energy, E of the two nuclear spins, and the product of

AB’

their magnétic moments, ~
In Ramsey's thgbry, the interactions arises from
three distinct mechanisms:
(1) a nuclear magnetic moment induces orbital elec-
troni%rcurrents which in tﬁrn p{oduce magnetic
fields at the site of the second nucleus i
‘(éf the dipole interaction between the magnetic

: - moment of a nucleus and the electron spins pro-

duces a magnetic field which acts on the other

B

&

nucleus
(3) - a Fermi contact interaction between nuclear
moments and electron spins in s orbitals, *which

leads to electron spin polarization.’
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Ramsey developed general formula for these three cqntribu—
tions to the coupling constant using quantum—mechagical
perturbation theory. Bf these three interactions, \the
‘Fermi contact~term is usually considered to be preécminant
(especially if protons’ are involved) and most attempts at
calculating coupling constants are based on this term

»

alone (145,146). ’
Pople and Santry (143) have expressed the coup-
ling constant due to the Férmi contact term in molecular

orbital form. If only the valence s orbitals are consid-

ered, the‘reduced coupling constant can be written in the

fomr! ;
2.2 )
) 641" B 2 2
(7.2] K (AB) SA(O) Sg(o) map.
where
. OoCc unocc ' ;l
[7.3] Tap = 4 f. § (ei'-.- ej) ciAcchjA?jB.

©

_Sﬁ(o) represents the electron density of the valénce S-

orbital at nucleus N and 8 is the Bohr magneton. (ei -

sj) is the energy differehcé'between the ith occupied‘and

jth unoccupied moiecular ofbitals,vand.CiN and CjN are the

coefficients of the valence ggatomiciorbifal of atom N in . .-
these molecular orbitals. . . T
. . & . - " " i

‘. calculations of the coupling constant in HP us-

! . ’ ' .
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ing Equation [7.2] (or;a form involving fewer approxima-
tions) have not been successful. Problems arise due to
the sensitivity to cancellation of large terms of opposite
sign in the summation involved in the term LIS Several
calculations of J(HF) have been carried out using wave-
functions which involve only one” unoccupied molecular orbi-

tal (143,147). 1In all cases, a negative value of J(HF)-

was calculated and the magnitude of J(HF) was found to be

-very sensitive to the wavefunction used.

Kato and Saika (147) also applied this perturba--
(Q . '

tion approach with a basis set involving several unoccu-~

pied molecular orbitals. Although they caldulated a posi-

" tive value of J(HF) in good égreement with the experimen-

tal value, there was no indication of convergence in the
summation over excited states. A more, rigorous calcula-
tion using the same basis set (148) and other larger

basis sets (149) have found the same behavior. T?is

‘defect has. been attributed to the?poor:description of the

'unéccupied molecular orbitals rather than to deficiencies

in the calculation of the c0upling.constanf‘from the wave-

~ functions (149).

At present, a détailed ﬁndétstahding of the con-

tributions to the coupling constant in hydrogen.fluoride

based on Equation [7.2] is not available. However, the

L
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i

theoretical calculations have shown that the Ferﬁi contact
interactioﬂ dominafes the coupling constant in HF (147) and
that this interaétién arises predominantly ffrm the molec~
ulaxr orbitals invblving the f%uorine 2§r§?p'tal (143,147~
149) . | y ’

Calculations of tﬂgacoupliﬁg cohstant in HF have
also been garrled out uslng ok&her QQPIOqches than that of

)
“'Equatfon [7.2). ERople et al (150,151) ‘have introduced a

finite perturbation methodwﬁer‘calculatlng the term 7,4 in

. Equation [7.2]. The appllCatlon of this metnod to HF was

unsuccessful. A coupling con#tant of +19.7 Hz.was obtalned

by a CNDO calculati@n,!and a value of ﬁfSO Mz by thé more
rigorous inO!métth (151) . Positive ccup}ingiéonstantﬁ
in good aq%eemént with tgé experimental value have been
‘calculated by the variational procedure (151) and the

perturbed Hartree—Fock method (153) However, these

methods have not been extensively tested.

>

_In the next section, the variation in J(HF) will

be discussed using Equation {7.2] since it provides the
simplest conceptual basis for interpreting cpupling con-

staﬂt"mechanisms.5 3
’ T h
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7.3 Interpretation of Hydrogen Bonding Effects on the
) o

Coupling Constaht

The éonceptual basis for iﬁterpreting the mech-
anisms which lead to the change in the coupl%ng constant
on hydrogen bonding is not very well develoééi‘ There
have been very few theoretical calculations on this effect-
(58). Consequently even qualitative interpretations are
difficult to justify since the depeﬂdence of the coupling
constant on thé various features of the eiectronic envir-
onment is not very well understood

The observed 1ncrease in tﬁe 13‘~ﬁ Coupiing con~
stant on hydrogen bonding hés been attributed to the ef-~
fect of the electric fleld/produced by the electrons at
- the bonding site in the préton acceptor (59,60) . Siqniff;
cant changes in the C~H bond length were ruled out in éﬁé
case of CHC13,
infrared C-H stretch frqhuéncy on hyarogen Jonding (59).

on the basis of the small changes in the

“This electric f;eld ‘depe dence of J( C -H) has also been -

observed in situations where the electrlc field arises

13

from longer range electLostatlc 1nteractlons. ;J( C~H)

has been found to 1ncrease in the presence of an electric

field arisingrfrom a cation complexed to another part of

the molecule {154,155), or from the reactipn field of a -
g - )

polar solvent (156,157)¢_yhen the field is oriented in

k! T R ) . .
such a way as to polarize the electrons in the C-H bond
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towards the carbon. Theoretical calculations have pre-
dicted a linear dependence of 1J(l3C~H) in the presence of
a uniform electric field in the range expected from a reac-

tion field mechanism (158).
1]
.

The mechanism by which these interactions effect
' 1)
13

»

a change in 1J( C~H) is not very well understood. 1t has

. been argued that the polarization of electrons towards the

rca;bon by the electric field would increase the carbon 237

=% :

‘iorbital contrjbution to the C-H bond, and result in an
increase in the coupling constant (59,60,156,157). How ~
ever, there is po theoretical justification to indicate
that such a mechanism can account for the eiectric field
effects on coupling constants (58).

The difference in the effect of hydrogen bonding
on the coupling constant of HF compared with otheriproton
donérs;is surprising. Thére have been indications that
the direction of the change in the magnitude of’ the coup-
ling constants for the same type of interaction may be a

method for determining thé relative signs of the coupling

constant (159). The difference between the effect of b

A

hydrogen bonding on the coupling constant in the H~F and
C-H bopds can be considered.using Equation [7.2].

Poble a d;Santry (143) have proposed a simple
model of the bon in; in HF which was used to ‘show where

the contributionsg to the coupling constant arise. The

.
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bonding in HF was considered to mainly involve a fluorine
2p and the hydrogen ls atomic orbitals, since the fluorine
2s atomic orbital is of much lower energy thgn:that of the
2p orbital. The molecular orbitals formed from these "

atomic orbitals can be described by, )

vy = ([P |B>) /Y2

(|p» + |b>) /72

®

< -

oo
|

where s, p, and h represent the flyorine 28, 2p and hydro-
gen 1s atomic orbitals respectively, if %?e bond i; con~
sidered to be non-polar and the overlap integral is neg-~
lected. The orbital energies increage frbm wl to ¥, ;nd
the lower two molecular orbitals are doubly occupied.
Howevér, to have a non-zero coupling -constant by a Fermi
contact interaction, there must be some bonding between
therfluorine and hydrogen's orbitals. Bf‘considering the

bonding between s and h as a small perturbation, the

"molecular orbitals of HF were described as,

lp3 = (|P> — lh) 4 xIS))//z

<
N
I

(|p> + |b> - x|e>)/V/Z

(s> + x |[h>),

<
|
N
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where 0< x << 1.
The small amount of bonding between s and h in wl produces
a corresponding anti-bonding character in wz and ¢3-

In this model, the term = in Equation (7.3]

HF

and ¢, - ng

has contributions from two excitations, wl“w ¢3

These contributions involve the products of the coeffici-
ents of the s orbitals and the coupling constant will be

proportional to

=

On the basis of this model, a negative coupling constant
e ”

:Waﬁﬁ eficted since the negative contribution from ¢Q S
e 9 = Y2 7 Y3

#

was expected to dominate because of the smaller energf
\difference. Calculations using the coefficients which
have been more accurately determined by molecular orbital
cglculéﬂ‘ons also gave ne%ative coupling constants (143,
- 147). ’ v
Although this bonding dgscriptién does not pre-.

dict the correct sign of the coupling constaﬁt,ki£‘d6e;
provide a basis for,rationaxizatioﬁ of the chaﬁges in.
vthe coupling constant onﬂhyarbgen bonding.x Inlthié des;
cription, the coupling cdnstant is controlled by ﬁhe small

amount of bonding between the fluorine 2s and the hydro-
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gen ls orbitals.l This bonding could be expected to decrease
in a hydrogen-bonded complex since the H-F bond becomes
more ionic. The decrease in the covalent bonding would Le
reflected in a decrease in the coefficient x which would
produce a decrease in the magnitudes of bogh the negative
and positive contributions. This would result in a smal-
ler coupling constant. |

The contributioné>to the coupling constant ére
also ; function of the excitation energies, which are
approximated in Equation [7.3] by the différgpées in orbi-~
tal energies. Theoretiéal\calculations;have found that

s

the occupied orbital energies of the proton donor molecule
increase iﬁ,enerqy, and that the absolu?eicha?ge in energy
*is approximately the same for all Orbitéls (140) . An in-
.

crease of 5 to 10% in the orbital energies were calculated
'fOf HF cgmplexed to HZO and NH3 as the proton acceptors.
This would result in a decrease in the terms (Ei ~- éj)
which would increésq the magnitude of the individual con-
tributions toﬂthe coupling constant. Since s in
these contributions will not be the same ﬁagnitud : the
net effect is difficuit to estimate from the rather uncer-
tain description of the coupling constané in HF. However,
it is not clear that the changes in the excitation ener-
gies van prodhce;thevtrends observed, |

. )/ “ ‘ | - .
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A simple bonding model can be used to show the

A

differences in the dependence of the coupling constant in

F-H and C-H proton donors on hydrogen bonding. 1If the
f
bonding is described in terms of the hydrogen 1ls orbital

‘'and the 2s and a 2p orbital on the heavy atom, the bonding

L4

molecular orbital can be represented as
¥, = a |h> + by | s> + <y | p»
and the unoccupied antibonding orbital as

¥ = ag by s e |
The proportion of |s>» and |p» in the molecular'orbitals
can be fixed by fequiriﬂg bi = éi/ni For example, SPB’
hybridization would require n = 3, In terms of these

~molecular orbitals the coupling constant is proportional

to

This expression can be transposed to

7 ai bi . ai (1 - ai)
{7.4] T o= = ,
, AE AE(n + 1) .

by using the relationships which result from requiring ¥y
andv‘l’2 to be orthonormal, and neglecting overlép inteigrals.

Equation [7.4]. has been found to adequately;descr!he

Al
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. , 13
the coupling constant in a non-polar C-H bond (143).
This expression is not intended to adequately describe the
coupling constant in HF, but does provide a basis for con-

sidering the differences in the qualitative behavior of

1J(HF) and lJ(13CH) on hydrogen bonding.

The‘observed trend in 1J(HF) on hydrogen bonding

is consistent with an increase in the charge separation or
; ,

Y

ionic character of the H-F bond in the direction H+~F .

The increased ionic character will be reflected in a de~

-

crease in a® in Equation [7.4] which would result in a smal-

1
ler coupling constant if this-effect dominated the change

I

in the H-F couéling constant., 1In contrast the observed
increase in 1J(13CH) on hydrbgén bonding clearly indicates
that this mechanism does not dominate the coupling constant
in C~H bonds.

A possible explanation for this différence is
the variation of m in Equation (7.4] ﬁith changes in a;
which is shéwn in Figure 17€)assuming'AE and n are con-
stant. 1 increases from zero for the completel& ionic

bond, X H+, and reaches a maximum ‘for a non-polar bond
where a; = 1//2.. Figure 17 also shows that the:partial der-
ivative an/aal, which reflects the sensitivity of m to chan-

~

ges in a,, goes to zero for qompletely ionic and complete-

ly non-polar bonds. Since C-H préton donors can be consi-

4
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dered to be near the non-polar region, 7 will not be very
sensitive to changes in the ratios of the coefficients and
could be dominated by other effects, such as changes in

hybridization (59,60,156,157). The relative insensitivity

13

of 1J( CH) to changes in bond polarity has also been used

to explain substituent effects (160). 1In this bonding des-
cription, a value of 0.4 for ay would be a reasonable est-

imate for HF (161), which is near the region where Bﬂ/Sal

is at a maximum, Therefore a dependence of lJ(FH) on the

changes in the H-F bond polarity appears to be reasonable.

In larger pasis sets, the important excitations
{ B
which contribute to the coupling constant will arise from

7

I
. the occupied molecular orbitals involving the fluorine 2s

and hydrogen 1s atom orbitals (147-149). These contribu- ¢
tions should show éorresponding Sensitivity to Chang;s in
bond polarity since they involve the product of the un- .
equal coefficients of the hydrogen and fluorine s orbitals
in the o€cupied molecular orbitals.

.,There is certainly a need for fﬁrther theoreti-
cal studies befére the effects of hydrogen bonding on
coupling‘constants can be unggrstood. There has been one
calculation of the%coupling cénstant in HF and FHF
reported. Coupling constants of -331 and —82\@ Hg were

calculated for HF,Fnd FHF  respectively, by an INDO calcu-

e
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lation based on Equation [7.2] (162). While the sign of
the coupling constant in HF was incorrect, the calculations
did predict with remarkable accuracy that these two coup-

ling constants would be in the ratio 4:1.

7.4 Variation of J(HF) with Base Strengths ~

The variation of the coupling constant in HF may
be a useful measure of the strength of the hydrégen bond
and thereby provide a measure of the base strength of the
proton acceptors. The changes in the lH shieldings are
not a very reliable measure of the stréngth of the hydro- .
gen bond since they are influenced by magnetic fields pro-
duced by nearby electrons which are not necessaril§fréla~
ted to the strength of the hydrogen bond. The differences
in the behavioy of the 19? shieldings:between the bihalide
ions and the HF complexes with the molecular bases, clearly
'demonstfate that this parameter is ﬁot generally corre-
lated with enthalpy change associated with the hydrogen
bond. ' There are very few measurements of the enthalpy
chanée ;ssociated with the formation of a hydrogen bond to
HF . An ir study of the temperature dependence 6f the ~ - -
equilibrium constant fo; the formation of the Hé-diethy1~
ether complex in the gas found AH = -7.3 kcal mole™ ! (163).

The AH for the formation of FHC1 has been estimated as
RN

.,
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|
-14 kcal mole—1 on the basis of the trend observed for the

gas phase reaction between several proton donors and c1
(32).. The observed AH's for the fommation of FHF  in

alkali metal criétals were corrected for crystal lattice -

~1

effects to give AH = -60 kcal mole (31). There is a

linear relationship between these values of AH and ‘the

S

‘corresponding H-F coupling constants which suggests ;hat
the coupling constant may be a reliable mea%ureiof AH.

The decrease in the H-F stretchih% freﬁuency,
AV, has been used as an estimate of the strength of the
hydrogen bond (35). 'Figure 18 presents a plot of A%, ref-
erenced to the gas-phase Aonomer frequency of HF, versus
J(HF). It is encouraging that the trends in AY and in

M N :

J (HF) réfiect the same relative order of the proton accep-

tors. This indicates that J(HF) may provide a useful scale

for comparing the hydrogen boﬁd acceptor strengths of poth
molecular and anionic proton acceptors. However, much more
data, in pdﬂgicular betéen.AH's, are necessary to judge the
quantitagive accuracy of an enthalpy-coupling constant
correlation. -

The'point for the bifluoride ion was omitted from
Flgure 18 because the changes 1n the infrared stretch fre-

quency and,ﬁhe coupling constant were very much 1arger'

than those for the other complexes. gince the change in

>
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'Y ling constant and the ir stretch freguency
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1

the coupling constant on the formation of‘FHFﬁ is so large,
it is not certain that the coupling constant is still posi-
tive. However, the agreement with the trend predicted in
Figure 18 is much better if the coupling constant in the
bifluoride ion is assumed to be positive.

The consis£entﬁ§rend between the decrease in
J(HF) and the base strength of the proton acggator also
supports the suggestion that the increased éolarity of
the H-F 5ond in the complex caﬁées the decrease in the

. b3
coupling constant. ?;.

8
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CONCLUSZION

Hydrogen halides associate with;thg hélee iéﬁé
of tgtraalkylammonium salts in suitable aprotic solventg
to férm bifalide ions, Solutions containing a hydfogen'
halide iﬂithevpresence of an excess of halide ion can be
déséribed by é single equilibrium inveolving the fofmatién

of a bihalide ion, if the conjugate base of the hydngen

ihdllde is not a weaker babeathdﬂ the hdlldL ion added. ¢

When. ;&c hallde ion added to a solution is a stronger base
than the cOnjugaté base of thé hydrogen halide present
) the proton is transfered ter theg hydrogen halide tU the

| %

halide ion, The nmr dnd ir ‘'spectra o} these: Suluth§S

could be adequately descxlbed by assuming a quantltut1Vc

o

prOton trans i\én?Ed tion. The p*oton shlclaf'ga decre

on tpe formati -of the bihailde,lon and. twq, Onslstent

trends are apparent in the proton compleX shifts (defined

' only for the formation of a hihalide ion whith®does. not

¥ involve a proton transfer process):

i

(1){ the magnitude of the,cqmpléx.shlft of a giVen

DR ) L ) )
. }of thé halide ion and reaches a maximum value

#*. * . ‘for the homobihalide ion.’

' n R . EY

~ 165. . )

-hydiogen halidE~inCEeases with the base s;reé?th i

r
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>
(2) the magnitude of thz complex shifts of the hydro-

gen halided complex®d to a given halide ion

increases with acid strength of the hydrogen
\ ,
halide and reaches a maximum value for the homo-

bihalide ion.'
This study has definitely shown that the l9F
. Jod
+shielding of hydrogen fluoride decreases on the formation

of a hydrogen bond to the- electrophilic hydrogen. This
behavior of the 19F\Shi€lding has been previouely observed
only in a very limited number of cases (44,45,50,51)./;*\
Thereiis now at least one clear example of the effe'{ of
hydrogen bonding on the heavy atom shielding in each of
the C-H, W-H, O~H, and F~H proton don@rs, In ell cases,

the formation of a hydrogen bond results in a decreas

v (B
¥

the Shielding in the atom b@ﬂded to the;elestrephiiie

hydrogen (see section 1.2.3). 4

&

There is an approx1mate corre8pondence between

7the deurease in the lgE shleldlng of hydrcgen fluoride :

Piion the formatlon of a hydrogen hond  and the decrease of
the cgrresponding 1y shielding and H ~F COUPllng ‘constant,
and the 1ncrease in the base strength of ‘the proton accep—*

'tor, except for the bihalide ions. The 19E eﬁ;bldlng in
: A

- N ‘ a ~ 3 ’ 3
all four bihaliae ions are the same, to within the experi-
- [ Voo - .
mental uncertainty, and are over 70 ppm less than th%%e-
. et . oo . . .
- A
i : S » *
T y :
! P | X o \ L]
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shielding ié gaseous hydrogen fluoride,

The first examples of the etfect of hydrogen
bonding on the H~F coupling constant of hydrbgen f Juoride
have been observed. The H~F coupling constant decreases
on the formation of a hydrogen bond which is in contrast
to the behavior of the corréSpondiné coupling constants in

13(}*“ and lSN’—H proton donors (43,59). The H-F coupling

constant in hydrogen fluoride is very sen@%tiva to the
strength of the hydrogen bond formed, and the variatidh
in this“COupling constant appears to be a useful measure’

of the base strength of both molecular and anionic Lewis

i

bases.
The interpretation of the mechanisms which

result ip the decrease in the proton shieldings and the
H-F coupiing‘constants complements the theoretical studies

® %

of’hy@rogeﬁ bonding., Tﬁ?Sé theoretical studies have pre-

. dicted the following changes on the forﬁation of a hydro-
. v .. . i . ) |
gen bond. (116): - o Nt .

(a) a “"charge shift" or polarizétibh of -the bond in

the proton donor - 7 .

v :
(b} a charge, transfer from the proton acceptor ‘to
‘the proton, donor

(c) ‘a deé:éQSe in the charge density of the bridging
| hydrogen ‘

i

Y
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(d) an increase in the bond length in the proton
donor. 2

A description of the proton shielding in terms of local

contribdtions was used to show that thelhydrégen charge

density must be smaller in the homobihalide ion than in
the corresponding hydrogen halide. ‘fhe trends iﬂ the pro-
ton shieldings appdar to be dominated by the polarization
of the hydrogen halldes by the electrlc fleld of the Lewis
base., This results in a decrease in the 1local dlamagnctlg

shielding due to the decrease in thé hydrogen eledtron
density, énd a decrease in the shielding arising from the
b néiqhbéuf anilsotropy éfféct of the halogen. However, in

the bihaiiaé ions an additional significant shielding ¢on~

“‘tribution iﬁ;?féﬁéﬁt which arises from the anisotropy
created 1n the hallde ‘ion an the férmatlonjéf tﬁB\\ydrogen
" bond. This' etfect 15 consistent with the predlcted\‘ﬁarge
transfer from the proton acceptor to the protcn donorl
The decrease. in the H-F coup11ng constant was
1nterpretéh in terms of an 1ncrease in the 1onic character
of thé H~F bond in -the hydrogen-bonded\compléx. : ,
lg :  Anﬁinterbrétation of the decrease in ;he lgF[
fshieldiné éould not be fbunq‘which'waé compétibie with an

.

increase in'the fluorine charge density. This is brébablyr

B

due to the inaaequaqy of -the shielding;ﬁode£ since the
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N

»

fluorine charge denéity in a complex such is FHF is un-
doubtedly larger than that in HF. |

Quantitative calculations of th nucledr shield-
ings and coupliidg constant in hydrogen-bonded complexes
are certainly needed. Theoretical calculations have been
successful in describing many of the properties of h;drogen~
bonded complexes but very few attempts have been made to
calculate the nuclear magnetic properties of these com-
piexes-‘ Thé observations reported here sh@&lé provide a
useful contribution to the data necessary to test these

calculations.
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The equilibrihm concentrations of the species

present in solutions containifg a hydrogen halide, Ha, and
| R . Ao

the tetrabutylammonium salt of the halide ion B , where

B~ is a stronger base -than A", were calculated assuming a
‘ ) - :

quantitative proton transfer from HA to B . .

~

The following equations were used to describe
..solutions where the number of moles of B~  added were less
than or equal to the initial amount of HA:

1a.1] HA + B~ —— HB + A~
A2l HA 4+ AT === ama- -~ _[AHA ]
.2l AT K mymeT
i N g —_ ©

‘ HB] (AT
. ' o, ’
| If the initial éoncentratfghs ére-defined as’

L [HA]

]
,D),

k.

[B7], = b

E] Y

where a > b, the equilibrium concentrations are

0
‘ | ‘ L _ .

3 { [AHA"] = x - = [HA] =a -b - x : f
L A : Co ‘ : ' o
. - el T, oo Y

.. IB71 =0 AT =b-x-y \)

184..
s .qg: ' ” :
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‘The following equations can be derived from the expressions

for the as§fciations constants:

= bx
[A.4]' - Yy = K 7 4
' 1 1
K—(a - b) ~Xx g~ 1
. 2 2
2 2 .
: K 2aK bK K
g K1<K—1~ - l>x3 - K 1 - K l.* Kl(a - b) + I—(i -~ 1 )(2
2 2 2 “ 2
5] Ki ) Kl‘ Ki 5
+t )g-(@ - b)) 4 g=(a - b){x - gbla -b)" =0
2 - 2 2

In,t;;Aggaion where

ria will be present:

(A.6] ' HB +.A° & BHA" L~
(A.7] HB + B~ +=== BHB~ K, = —2HB 1
. {HB] [B ]

Al

The equilibrium concentrations are given as

[BHAT] =y (BB] = a -~y - 2
[BHB"] =z | | (B7] =b-a-z e
(HA] =0 LTI =a -y, S\

C . o . l
The following equations can be derived from the expres-

N BT . A
_silons for the association constants:, e

»
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' YUK A
K——-(b a) - Z R——" 1
2 2
2 2
K 2bK akK K !
3
"3(1‘(‘2‘ 1>23" Tz-‘"r%‘Kz‘b‘a’ t g - L
2 P20 R 2"
2 - , * 2
K- C K K
sl 3w mah + 2w -a)lz - 2a - a)? =0
2 K, K2

[ / )
In every case an unique solution was found.

Since these species in solution are 'undergoing

rapid proton exchange, the average shielding c#n be

calculated from

where £, is the fraction of speeies i with shieldingzbi.
Tables XVII, XVIII, and XIX present the calculated .
and observed shieldings for solutioﬂé i; sym-tetrachloro-
éthane at 34°. The averagei;élues of the association
constants and proton shieldings presented in Chapter 3
were used. Thé\largest devia;ions between the calculated

and observed shieldings occurs in solutions which contain

an excess 6f.hydfogen halide. These deviations are in the

‘direcfiopvexpected if complexes of the type X—(HY)n are’

present.
"
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Table XVII. Proton shieldings in solutions containing

0.1M HBr and Bu4NCl in sxmftetrachloroe§hahe

»
bl 4 2 N
'[Cl;liadded o Calculated o Observed Difference
oy ' (ppm) " (ppm)

0.9101 1.14 g o0 +0.24
0. 0898 ~0.33 © 1.10 +0.97
0.0267 i ~1.32 -1.87 |  40.55

— 0.0558 ~4.84 . Z5.50 +0.66 .

. 0.0943 ~7.49 -8.33 7 | +0.84
0.1083 # -8.40 , -8.87 " 40.47 o
0.1290 . _9.84 - -9.80 ~0.04

" 0.1817 _12.04 - -12.24. . ‘+o_2?
0.2796 _ ~13.24 13.15 °  -0.09
0.4614  -13.64 - -15.40s  Z0.24 .-
0.6762 13,75 . 1370 ~0.05°
. . , ‘
= Ty
o .)"‘};* '
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Table XVIII. Proton shieldings in solutions cohtaining

0.2M HI and Bu4NC1 in §Xm—tetrachloroethane

5

[C17) Added . ¢ Calculated o Observed  Difference
(ppm) (ppm)
- ’ N &"’l
0.0585 , 5.94 4.90 +1.04
U 0.1261 . 0.52 ~ -0.05 +0.57
- 0.2126 -5.39 -5.68 +0.29
~_) - : .
. . 0.2961 - .. _9.38 . . ~9.78 . 40.40
] 0.3503 -11.29 . ~11:58 +0.29
10,4363 - -13.01 - -12.84 °  -0.17
0.6192 ~13.64  -13.52 | -0.12
0.8768 13,78 |8 -13.88 £0,10
. 1.118 -13.82 ~14.05 . 40.13
a / . : ¢ ‘ ) ~ -
a , : L
R . A) . ‘, .
o » >0
- B /
, - ,
/ | )
] ;"‘
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Table XIX. " Proton shieldings in solutions ‘containing’
0.2M HI and Bu'4NBr in sm-tet,rach‘loroethane
/ . £
[Br~ ] Added o Calculated _QObsérved Difference
- (ppm) (ppm) i
-
0.0999 o 3.98 3.55 0.39
~ (’
0.2002 ~2.37 . ~2.84 0.47.
0.4461 -8.82 : " -8.87 0.05
0.6105 . -9.55 Y. . ~9.65 0.10
& , "
0.9283 . . =9.88 -10.02 ) 0.14
~ '
o
Re T
£ .
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