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Part I,

PTHE METAL ION CATALYSED
HYDROLYSIS OF HISTIDINE

METHYL ESTER



INTRODUCTION
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In recent years it has been recognised that metal ions
must play an importent part in some biological reeactions,
A large number of enzymes are known to have metel iong
associated with them, and the presence of thesge ions is
xieceasé,ry for the enzymes to exhibit ceatalytic activity.
Among the most common of these metal ion cofactors are
manganese, mé.gnesium, calcium, copper, iron, nickel, cobalf
and zinc, This interesting observation has aroused much
speculation as to the mechanism of metal ion activation of
enzymeelo In an attempt to find an answer to this problem
a study has been made, by several workers, of metal ion
catalysis of simple reactions, which are, neverthelesa,
éasentiéully similar to the enzyme catalysed reactions ococurring
in nature, |

Metal lons mey exhibit catalytic activity in two distinct
types of reaction in homogenecus aystems; (a) reactiéna in
which oxidation and reduction occur, where the metal ion ag¢gts
as an acceptor or donar of electrons, the mechenism involving
8 change in the valency of the metal ion; (b) reactions in
uﬁich catalysis is due to the initially fast formation of a
_complex between metal ion and substrate followed by some reaction
of this complex, which does not involve a change in the valency
atate of the metal ion,

Specific/
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Specific examples of (&) are the catalysis of the
decomposition of hydrogen peroxide by metal chelates, studied
by Langenbeckz,, and the acceleration of the drying of linseed
0il by metal chelates, reported by Myers3o Langenbeck showed
that the presence of suitable chelating agents such a8
o-phenanthroline, histidine, argenine and hiatidine anhydride
greatly enhanced the catelytic effect of iron; cobalt and copper
in the decompogition of hydrogen peroxide. Myers investigated
Yhe catalysis of the drying of linsced 0il by a number of metal
ions and metal chele.tea;, and proposed a mechanism which explained
catalytic ability in terms of electronic structure. Thullier4
hes observed the catalytic effect of iron chelates on the oxi-
dation of vanillin by sodium pexsulphete in agqueous solution.

Examples of type {b) are numercus., The decarboxylation
of some g keto acids has been shown to be catalysed by metal

ions and a mechanism, which agrees with the observed kinetics,
for the decarboxylation of o« & dimethyl oxaloacetic acid in

the presence of a divalent cation M2+

Steinberger and Westheimer~,

has been given by

N Z°
.0 = (C— C ~— S
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Thus the catalysis bf‘the decarboxylation.maj be éxﬁlainw
ed in terms of the electron withdrawing power of the metal
ion which facilitates the electron éhift required tobreak the
carben-carbon bond. | | | ‘

In this type of catalysis ﬁhe metal ion influencea”the
rate of reaction of a substrate by withdrawing electrons
toﬁ&rds the site of attechment, thus increasing the auscépto
ibility to nucleophilic attack of some other part of the
substrate molecule. Hence the metal ion behaves® as a generel-
ised acid in the Iewis aense; being capeble of acceptiﬁg
electrons from donor groups. | For a metal ion to exercise any
in¥luence on the rate of rsaction of a substrate molecule,
therefore, it would seem necessary for this molecule t0 possess
at least one atom capable af'donating elsctrons, It is thus
not surprising to find that metal ions have been shown to have
a catalytic effect in the hydrolysis of some biologically
active compounds such as amind esters; amides and pqptidea;

gince these sll contain atoms capable of donating electrons,

In 1956 it was shown by Meriwether end Westheimer® that |
the ions of Cu(IIl), Ni(II) and Co(II) catalysed the hydrolysis
of glycine amide and phénylalanyl gﬂ.ycine'amide° This cataw=

lysis was explained in terms of the initielly fast formation
of a metal ion -~ substrate complex which was more subjest to

attack/
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attack by hydroxyl ions brrwéter molecules than the substrete
1teelf, | | |

Another metal ion catalysed hydrolysis which has received
attention in feoent years is the alkaline hydrolysis of
 diisopropyl fluorophosphonate (D.F.P,). It has been observed
thet DoF.P. which is rapidly hydrolyaed:by.an.enzyme found in
blood cells, is also hydrolysed rapidly}in the presence of
metal chelates. Preliminary work in this field was done by

WagnerwJauregg?

s who found that the l:1 chelate of -copper
dipyridyl was the most effective catalyst for the'hydrplysia
of D.FoP. The catalysis was attributed to the formatioh'qf
intermediate addition compounds causing an increased polarisa-
tion of P=0 and P~F bonds, thus facilitating the approach of

hydroxyl ions to the P atom, with the expulsion of a fluoride

w © PdL 0\1-
oM ok = (oM RS

ion,

o -
__Q_‘__9 (A\M/O\ o)— + F

Courtney et al? extended the preliminary work of VWagner-
Jeuregg /
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Jauregg and examined the catalytic aetivity of a large
number of metal chelates in the hydrolysis of D.F.P.
and sarin (isopropyl methylphosphonofluoridate). It was
found that while the measured rate constante increased
with an increése in hydroxyl ion and metal cﬁelate CONC N~
trations, in accordance with the mechanism given, they
did not increase with the first power of the concentration
of these substances and side reactioﬁa or equilibria
were assumed to pe taking place, There wap alse &a
correlation between the stability of a chelate and ite
catalytic activity. In general,; the less atable the
chelate, the greater was its catalytic activity but a
certain minimum stability was of course necessary to avoid
precipitation of the metal ion at high pH. In addition
it was shown that for chelates to exhibit maximum catalytic
activity it was essentisl that only +two of the coe-~ordination
valencies should be filled by the bidentate ligand, the
others being filled by water molecules which would allow
easy formation of the intermediate compleX.

This explanation of catelysis wsg wery similar to
that given by Kroll9 in 1952 to explain the catalysis_
of the hydrolysis of «{lemino esters by metal ions, A
mechanigm was postulafed involving a second order reaction
between the metal complex of the smino ester and hydroxyl

ion as showvn below.
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In 1957, Bender and Turnqueatlo, ‘using & amall modi-
fication of Kroll's experimental technique made & detailed
isotopic end kinetic investigation of the cupric ion-catalysed
hydrolysis of several o amino esters, The following mechenism
was postulated for the hydrolysis of an A amino ester in
glycine buff er,

— -—
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The mechenisms gix}eﬁ by both Kroll and Bender end
Turnquést for metal ion catalysed hydrolysis of K amino
eateré differed in one respéct onlyo. Kroll envisaged a hydtoxyl
ion attack on the metal ester complex whereas Bender ruled
out this poseibility and suggested that & water molecule was
- in fact the attacking species, _ These authors agreed however
that the metal ion must exert a»direct influence on the carbonyl
oxygen of the ester group. This hypothesis was not supported
by thermodynamic dnformation obtained by White, Menning end Lill
who; from compaxison of the stebility constents af maial |
complexes formed by amino acids and their esters, concluded
that in zlycihe méthyl eater complexes the site of binding of
the ester to the metal ion was through the amino group only,
while for cysteine methyl ester which also contains & sulphur
aton capable of doneting electrons, ﬁhé metal ion was attached
to both the nitrogen and sulphur atoms, This suggested that
in neithef of thesge ester metel complexes wape fhe carbonyl
oxygen directly involved. Further evidence for this waé .
provided by the observation thet while in cdpper (11) glycine
complexe8 the maximum number of acid molecules bound is two,
more than two glyciﬁe ester nolscule 8 may co-ordinate to pach
cupric ion, although the exact number cannot be ascertained

because/
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because of ester hydrolysis at high pH,

 White, Manning and Li also measured the rates of |
alkaline hydrolysis of cyeteine and glycine esters in the
absence and presence of Verious metal ions, in an effort to
correlate the stabili’oy of the metal ester complexes with the
" rate at which they hydrolysed, The hydrolysis of the esters,
which was followed by a conductivity method, waa' shown to obey
second order kinetic s; indiceting a bhimolecular reaction
between hydroxyl ion and ester, The catalytic effect of
metal ion wa® shown 1o be more p onounced the largér the
gtability constant of the complex formed and wes attributed
t0 the addition of posivive charge to the ester with a general
withdrawal of electronse awey from thecarbonyl group, thus |
faoilitating nﬁcleoghilie attack by hydroxyl ions,

In 1957, Li, Doody and White*Z extended this work on
metal ion catalysed hydrolysie of o« amino eeters to include
histidine methyl ester, whose mlkaline hydrolyeis was studied
in the absence and presence of metaliona, Catelysis was
again shown to be appreciable and the following mechanism

was postulated for part of the reaction ™

O -
CHa i - CHa ©
H=¢/ CH—C—0CH; - eH=C" N\eH —C —CCHy
HK‘\ ()‘& SIH; _Q:L-) H’N/ 24 Sliﬂz.
CH MK \CH//’ \‘MK OH
H p

— HN N M NH
\CH \M 7
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Fyrom the foregoing resumee of the work dome in the field
of metal ion catalysed hydrolysis it isclear that a number of
questions remain unenswered, It seems to be generally agreed
that metal ion catalysia of < emino ester hydrdlysis 1s due ®©
hydrolytic cleavaege of metal complexes, but no clear indication
has been given as to whether the attacking specles is a
hydroxyl ion or a water m_oleeuleo Kr0119 and Lill’12 a8sume
that the remction is due to the attack of hydroxyl ions on the
metal substrate complex while Benderlo favours water moleculs |

participation, Another question which arises 1s whether there
is any direct interaction of metel ion with the carbonyl

oxygen of the ester group. Kroll and Bendexr suggest that
interaction is an essential requiéite for metal ion catalysis
while Li favours the view that catalyeis is due solely to an
indirect inductive effeet resulting from the proximity of the
metal ion to the ester group.

In an attempt to answer these questions it seemed
necessary to underteke a detailed study of the metal iomn .
catalysed hjdroly_ais of an «{ amino ester, over a range of pH
and metal ion concentration, and it was essential that kinetic
date should be provided by & suiteble experimental technigue,
It i3 therefere of interest, at this point, to examine the
experimental tenhnlques which have been used in kinetic studies
of hydrolytic reactions.
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In their wafk on amino ester h¥drolysise both Kroll and
Bender performed reactions in buffer solutions of known'pH,
the course of the reactions being followed by titration of
8 given volume of reaction mixture to a fixed pH, The
interpretation of results obtained by this method is compli-
cated by the fact that the buffers used, trishydroxymethyl
amino methane and glycine, both interact appreciably with metnl
ions Dbeing studied, The technique used by ILi on the other
hand was more direct in that the solutions under study contain-
ed only metal ions (when present), substrate, and hydroxyl
ions in the ratio 1:3:3; the reaction being followed by the
change in resistance of the solution with time. One limitaetion
of this technique is thet resctions being studied must not be
too rapid compared with the time taken to make conductivity
readings; It is also, by the very nature of the technique,
impossible to maintain the redction solution at a constant pH,

The method used by Courtney et al® allowed hy droly$ic
reagstions to be studied at constant pH. By use of an auto-
matic tvitration apparatus, the tendency for the pH to drop
&3 hydrolysis proceeds is counterbalanced by the addition of
alkali.from'aburetteﬁ Thus a measure of the acid produced;
and hencé the extent of hydrolysie at any particular time,

is giveh by the volume of alkali added. One limitation of
this/
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this method is that the volume of the reactlion mixture does

not remain constant, For comparative purposee however the

technique is quite suiltable. An essential for the use of

this method is that the substrate-metal lon complex must be
sufficiently strong to prevent precipitation of the metel ion
in solution of high pH.

The choice of experimental method to be used in this
investigation was governed by the advantages and disadvantagea
of the three methods outlined above, One obvious way of
attempting to answer the question of whether hydroxyl ion
or water molecule is responsible for hydrolytic attack 18 to
measure the rate of hydrolysis over a range of pHo It was
essential therefore that some method of maintaining constant
pPH should be incorporated and hence the condactivity methcd
could not be used The othef two metheds both followed
hydrolytic reactions at constant pH, one by buffering and the

other by automatic pH control. The latter of these was
chosen since it did not have the complication of additional
complex formation with buffer ions. An o amino ester
suitable for study was histidine methyl ester, since it was
known to complex sufficiently well with nickel and copper to

Prevent precipitation at high pH, and was one whose metal ion

catalysed/
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catalysed hydrolysis had becen studied by another technique,

- The work described in this section of the thesis
representé an attempt to provide a more deta.iléd understanding
of the mechaniem of metal ion catalysed hydrolyais o: « amino

esters, To this end kinetic information has been supple-

‘mented by information arising from potentiometric work.



"APPARATUS
"AND

EXPERIMENTAL TECHNIGQUE
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Preparation of Reagents:

Séandard solutions were made up from A.R. reagents and
Grade A volumetric apparatus was used throughout,

Histidine methyl ester--dilqydrochlorideo

Histidine methyl ester dihydrochloride was prepared by
the esterification of histidine in methanol in the preeénce
of dry HCl.  The method used was essentially that due to

Fisher and Cone’3, B.D.H. histidine monohydrochloride

(10g) was refluxed in dry methyl alcohocl (200ml) while
dry hydrogen chloride was bubbled through the susgpension,
‘The dry hydrogen chloride was generated by mixing concentrated
sulphuric snd hydrochloric scids, the gas evolved being
Passed through a column of glass beads containing concen~
trated sulphuric acid. After refluxing for 2-3 hours a
clear soluticn of histidine methyl ester dihydfochloride
remained. On standing and cooling the crude product
separated and it was recrystallised twice from dry i.R.
methyl alcohol to remove any excess of HCL. (M.pt. 197%
found C,34.65%; H,5.35%; N; 17.62%, Calculated for
CqH) 30,N:C1,  C,34.73%; H, 5.41%; N,17.36%. Found for
8 dibaaic acid by titration with alkali MW,242,2;
Calculated for C,H) j0,N,Cl, M.W. 242,1)



- |7_

Apparatus.

During this work use was made of an automatic
tikrimeter (E.JI.L.Model 24) to obtain both poténtiometric
and kinetic information. This consists of a volumetric
titration unit in conjunction with a control unit ﬁhich is
in effect an electronic pH meter. Solutions under study
were placed in a double walled vessel. Water from a
thermostat was circulated te maintain the required tempera-
.ture, and nitrogen, presaturated with water vapour, was
bubbled through solutionsto exclude carbon dioxide. The
reaction vessel was fitted with a small but efficient
stirrer and pH measurements were made by meansg of a glass
electrode incorporated in the cell,

Ag/AgCl/HC] /glass/Solution under study/KCl °°n°'/gf%8?§%de°

The electrode system was standardised with three buf fers;
B.L.H. tabloid phthalate buffer, pH 4.0l at 25°C; B,D.H.
tabloid phosphate buffer, pH 6.99 at 25°C; borax buffer
pH 9.18 at 25°C. The reaction vessel was seal ed with a
tightly fitting rubber bung through which the stirrer,
nitrogen inlet, burette tip and'electrbdes passeao The
apparatus is shown diegramatically in Pigs. 1 ahﬂ 2



 Pigure 1.

Double Walled Reaction Vessel.
Rubber Bung.

Calomel Eléctrode

Glass Electrode

Glass Stirrer

Nitrogen Inlet

-0 o 0o

Burette Tip.

Pigure 2,
Control Unit,

PH Reading Dials.
Electrode Terminals and Burette Tap Switch.
Tap Unit and Stirrer Motor,

Reaction Vessel.

—\\(D“Q.OU'Q’

Alkali Reservoir
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Potentiometric Studies.

Histidine methyl ester dihydrochloride (4 x 154m01e)
was weighed accurately intc the dsouble walled vessel and
volumes of distilled water, metal chlcride solution
(0.1 M when present), and sodium chloride (1M) were added
such that the edditicn of scdium hydroxide (4 x 10*mole
- 4 ml, 0,1 MNaOH) would bring the tctal volume c¢f soluticn
to 80 ml. (0,005 M with respect to ester), and give an ionic

atrengtk of 0.1 M. When the sclution had reached
equilibrium, approximately decincrmal NaOH was added‘from
the burette and readings of pH of solution with volume of
alkali added were taken, time being allowed feor equilibrium

to be reached after each addition., In this way titration
curves were cbtained for the ester dihydrochloride in the
absence end presence of copper (II) and nickel (IXI) ions
at an icnic strength of 0.1 M. For the titration of the
ester dihydrcchloride at low ionic strength, the additicn
of scdium chloride soluticn was omitted ﬁbm.the above
procedure.

Kinetic Studies.

Histidine methyl ester dihydrochloride (4 x 10 *mole)
was weighed out accurately into the double walled reaction

vessel and voclumes of distilled water, metal chloride
soluticn/
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solution (0,1 M when present) and sodium chloride (1M) were
added such that the addition of NaOH (8 x 10™% mole = 8 m1
0.1 MNaOH) would bring the total volume of solution to 80 ml
the ionic sirength being 0.1M, Approximately 6 x 10"4 moles
NaOH were added and the resulting solution, which had a pH
considerably less than that at which hydrolysis was appreéiable
was allowed to reach the required temperature,
A final addition of alkali was made to bring the pH to
a sufficiently high value for hydrolysis to occur and a stop
clock was started. The total volume of ulkali added at zero
time was taken to be the initial volume (Vo) &nd the pH
sttained by the solution afier the addition of Vo was main-
tained by'adding gmall volumes of alkali from the burette,
tc counteract the tendency for the pH to be lowered as the
ester hydrolysed, If the volume of alkall added at time ¢
was Vt then the amount of ester hydrolysed was proportional
to V&t - Vo, and the percentage reaction was given bj
%%gg%e x 100, where Voo-Vo ccerresponded to the alkali uptake
for complete hydrolysis of the esfer._A Reaction time curves
were therefore easlly constructed from burette readinga at
suitable time intervals,
Since this technigue involved counteracting, Wy addltions

of/
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of alkeli, the tendency for pH to drop due to hydrolysis, the
pH of the solutions under study varied somewhat above and below
the required value, When the reaction wes monitored automa-
tically by the titrimeter it was found that pH control was no
better than £0.1 uni'bs; due to the mmall time lag between. '
addition of alkali and equilibration of the resulting solution,
When the pH of remction Solutions was controlled by manual
addition of alkali; volumes of 0,01 ml could be added and the
'pH could be maintained within ¥0,03units., Hence manuel addi-

tion was used throughout this work,
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Potentiometric Studies, Lo

In order to evaluate the degree of interaction of a .
metal ion with the ligand in agueous sclution it is first
necessary to understand the behaviqur of the ligand towards
protons, since complex formaetion has been looked on as @&
competition between metal ion and m otons for the ligand
molecule. (

The structure of histidine methyl ester dihydrochloride

is shown below

H/C— 4 %cu—-f-——ocu_,, HISTIDINE METHYL

HN NH "Ny O ESTER DIH YD ROCHLORIDE
NCH? ¢ a

.In aqueoua solution this gives rise to a divalent cation,
EH%f , which is capable of losing two protons, yielding the
unchar ged ester molecule, E |
EH3Y == EE® =2

The ester dihydrochloride clesrly behaves as é.dibaeic acid.
and the measurement of the two dissociation constants of this
acld is the first essential in the inveastigation of metal ion
interaction with the ester,

Conflicting velues of the Kts for these equilibria have
appeared in ths literature and it was therefore thought
desirable/
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desiradble to redetermine them. The method used waa that of
Speekman'4, applied to Eng* as e ditasic acid, The thermo~
dynamic dlssocistion constants of the divalent ester cation

may be defined as follows;

EH%* — ER* + H' K, = Q%{gjf;'dt
2 l fﬁ

EH* = E + gt K, = g} | f;f'

where fo, £y and f; are the activity coeffielents of the species
E, EH' and EH%” respectively, end the brackets [ ] and 'S
refer to concentrations and activities respectively.

In a solution of total ester concentration & (molar),
a = E:‘.ng o+ [EH’"] -4 [E] R &
and when a strong monosaciad base, which may be taken a8 complete-
ly dissociated, has besn addedi9 give a molar concentration b
electrica neutrality requires that
b+ 2 Eﬁﬁgﬂ + E!.H{I + [;'I"'] = 28 + E)H'] ceveea(2)
Substituting (1) in (2),

[H"’] = [EH"'] + 2[E] + Em"]

If now L, M and N are defined by the equations
L b 4 [H"] - [OH’] (=[EH+J + 2[E] ooooooooooooooooooooo(3)

'VM -a-1b- [0 + [or]([EERY - [E]Deeroecranionnnoncncatd)
N= Zg_—g-[ﬂﬂ + E)H_l(:uZ EEHqu- [EH"] Yeeoooeosssesal5)
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then it can be shown that

{HP}O—!" zKl'{H'*}'%?”'ﬁ + lez
which may be rewritten in the form
X -~ K].Y L) leag

where X = {Hﬁ'"" and Y = {H'}%g

Hence a plot of X vs ¥ should be a straight line of gradient
Ky, with intercept on the X axis, KlKZ" The values of b
and (H} may be obtained from the pH titration of the ester

dihydrochloride with standerd alkali. | |
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pH Titrations,

Two gerlies of pH titrations were mande on the eater
dihydrochloride at 25°C; (2) in solution whose ionic strength
wes adjusted t0 0.1 by addition of 1MNaCl; (b) in solution
of low ionic strength, without added salt. Part of the tile
tration curves is shown in fig. 3. .

The values of b and {H"'} obtained from curve A (fig. 3)

were subsiituted in equations (3), (4) and (5) and X and Y
caloulated, The reeults are summerised in table I and & plot
of X ve Y is shown in fig.4. The dissociation constants Obe
tained from this linear plot were,

K, = 987 x 1076, ¥, = 5.73 x 10

i.e0 PK;= 5.01, ng = T.24,

The activity coefficients were calculated by means of the

-8

Denriee1 5 equation

a2 &
108‘ fZ = Az (l-.QIT—I% - 0.21).--0.0000‘0‘(6)

where fz is the activiily coefficient of an ion of valency 2z
in a solution of ionic strength I,
X and Y val ues shoin in table II were obtained from the
b and (Hﬂ deta of curve B (fig. 3). The calculation of X
and Y for any point on curve B involved the determination of
the corresponding ionic strength. This in turn required a
knowl edge/ |
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knowledge of the conogntrations of each of the ionic specles,
Thus the dissociation constents derived from the data of table 1
were uaedto estimate the concentfations of the ionic apecies
présent at each point in the titraﬁion curve, The appropriate
activity coefficients were then substituted in the expressions

“for X end Y and new values of Ki and K, estimated from the
resulting plot. Thege in turn were used to give more accurate

vgluea of ionic~strengtho After two such approximations a

get of self consistent values resulted. The final XY piot

is shown in fig.5 and gave

K, = 9.8 x 15° | K, = 6,12 x 15
i.e. pK, = 5,01 PE, = T2l

8

which 18 in very good agreement with the velues obtained by
applying activity corrections to the results at constant ionic
strength of 0.1 Mo PK = 5.38 end pK, = 7.33 have been given

by 1i'%; and pK; = 5,20 and yK, = 7,10, by Bruice'®. In botn
cases however it is not clear whether they refer to thermodmanmie

or concentration values,



Figure 3.

Titration of histidine methyl' ester dihydrochloride
( 4x 10" Moles) with NaOH (0,1N), T=25C

4, at constant ionic strength (I = 0,1M)
B. at low ionic strength.
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Table I.

Titration of histidine methyl eBter dihydrochloride with
TeOH, T = 0.1M

!

PH | 2eie  Xe0® | Y.107
5. 85 4.008 3,627 3,109
5. 90 4.128 3,028 2.493
6.00 4. 355 2,104 1.528
6.10 4.558 1.446 0. 864
6, 20 4.736 0.983 0.424
6. 60 5,50 1 0.198 ~0, 361
Table II.

Titration of histidine methyl ester dihydrochloride with
NaOH, at low ionic strength.

bxIO> » 2
pH roles flitre \(. 1(1_ X. lé Y. 0’
5,650 | 4,008 n.918 0.703 4.690 4.170

5.705 | 4.128 0.918 0,704 3,826 3. 301
5.820 | 4.355 0.920 0. 706 2. 477 1.950
5. 925 - 558 0.921 0,708 1,653 1.091
6,025 | 4.736 0,922 0.710 1.124 0.536
6.485 | 5.510 0.924 0.721 0.189 |-~0.436
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pH Titrations in the presence of metal ions,

Titrations were next carried out on the ester dihydro=
chloride in the presence of Cu(II) and Ni(II) ions. When
these ions are added to solutions of the dihydrochloride there
is a fallin pH and the whole titretion curve is lowered until
- two equivalents of alkali have been added. The titration
curves for the ester dlhydrochloride alone; in the presence

of half an equivalent of Ni(II) ion, and in the presence of
hakf an equivalent of Cu(II) ion are shown in fig.6. This .
lowering of the titration curve in the presence of metal ions
is t_o’_bg expected since the formation of coordinate bonds between
the ligend and metal ion will be accompanied by the liberation

of protons from EH?

EHS"’ + ‘et = ¥EZY . 2m
Histidine methyl ester possesses four atomé capaeble of
donz ting electrons to a metal ion; the o amine nitrogen,
thé "pyrrole" and "pyridine" nitrogens of the imidagole ring
and the carbonyl oxygen of the ester group. The formétion
of chelates involving two of these groups with a metall ion
would seem likely, and there is considerable evidence in the
literature to suggest which of these four are bound, By
eomparing the difference in stability of histidine and histidine
methyl ester complexes of Cu(II) and Ni(II), with the

corresponding/
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corresponding difference between glycine and glyeine ester

complexes Li, Doody and Whitel?

were able to conclude that
the binding sites in histidine ester compl:xes and histidine
complexes were the same. Edsall et al°,17 have shown, from
spectral evidence, that the amino and imidazole groups are
the chelating sites in the Cu(II) - histidine complex,
Earlier work by Li; Vhite and Doodyl8 had shown that the
binding eite in the imidazole~ Cu{Il) complex was the
"pyridine" rather than the "pyrrole" nitrogen. More recently,
Leberman and Rabin'” have shown that the Cu(II) complexes of
histamine and 3 methyl histemine are very similar, indicating'
that the "pyridine" nitrogen must be involved,
The 1:1 chelate of a divalent metal ion with histidine

methyl ester may therefore be represented as follows:—

Ly
(H=C" “CH—(—OCH
AR
AN Ak
Ne” Y

Although only the 1:1 chelate is shown here it should
be pointed out that other chelates are possible, in prin-
eiple, where the ratio of ester to metal ion is higher,
The number of ester moleculesS which may chelate is governed
by the number of valencies in the coordination shell of
the metal ion.



Figure 6.

Titration of histidine methyl ester dihydreohloride
(4 x 10°* moles) I =018 T=25°.

A. BEster alona,

B, Ester in the pr&sence of N:lc.12 (2 x 1074 molea)

C. Bster in the pregence of Cu012 (2 x 10"4 noles)
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Determination of Stability Constants.

The information required for the evaluation of the

stability constaunts of the 1:1 end 2:1 chelates of histidi-
dine methyl ester with copper(ll) and nickel(ll) may be

ohtained from pH titration curves for the ester dihydrochl-~-
oride in the presence of metal ion.

The following equilibrie were assumed to be those
present in solutions of ester dihydrochloride and metal
ions(¥?') to which NaOH was added.

EHy & wp'+ m'

BE' 2 B + BT

2 LY _ ¥
MY+ B b NE K= E]
_&; 21 o]
428 = ME) _34 MU%T“]

Total metal concentration =C = [M’}@Elfl + [ME}_’]. e o o (T)

Total ester concentration = A = [E]i-[EHﬂ@Hﬂ{lﬂﬂaﬂ[MEﬁ «(8)

For electroneutrality,
[}Wa{'}f [iﬂ+2 [I\E"f, +2 [rm”] + 2 [ME:] + {LH?F 2 @H?] = [cf]+ ):og"]

Wy <
[cij= 2at2 C

Therefore,

el [a]s QM 2{3@3}»2 ot} EEH} E,Hﬂs 24 + 20+ 'E)H’]. .9

From equations (7) & (9),

ol [ o] - s v fox]



i.e. [E] =

If 4 P, the ratio of total eater to totel metal in

C =
solution then A= CP, and combining (7) and(8)

2 b} e 2 pem]= [e] [oxt]e o) e el
o o) B o) e (5] B ]
i1 N o (Pw2>K4£E]2} = [g]+ [} o]
‘Also from equation (7)

¥f 2+ z,[E]+ g, [E]l} =

. it LR - ¢
“P o+ (P-LKGE+ (P-2)KJE 1+ KB+ K [B]

Now let Q = ]:E]+ E)Hﬂa @Hﬂ: concentration of uncomplexed
esgter,

Then,
Q+Qk,[E]+ ok [h] = PC + (P-1)CE,[H]+ (P~2)OK4[E]

i.6s K {Qﬁ- (P«.l)[ﬁj‘:} + K {Q[E] (P—-Z)G[E]}-c- (- BC) = 0

Dividing by K3(QaPC), we have

Qg - (- D) Ec + E;__L@(]»(llgﬁ)c@] + %{ = 0

i, [E] {Q- (P -1)c = x+[E] {a—(:&-z }
q-pC -q
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Thie expiession is-@f the form
Y = MX +C
where

Y= E]{Q~ (P -1)0}

Q - PC

X = [Elfq - (P - 2)c|
PC - Q

Hence 8 plot of ¥ v, X should be a straight line

and

of gradient K,, the intercept on the Y axis being - i?‘.
KS
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The titration curves used for the evaluation of K3 and
K4 were obtained for esvlutions of ester dihydrochloride in ‘
the presence of half an equivalent of metal ione Thus P = 2
and the expressions for X and Y are somewhet simplified,

Where P = 2
-5 -0 .

These curves are shown in fig.6 and the results are given
in tables III end IV. The resulting plots of ¥ vs X are shown
in £ig.7 and 8 respeotively. The good linearity of these plots
sugzested thet the scheme of equilibria chosen was in faet a

satisfactory one and K3 and Kﬁ values ere shown in table V.

The stability constents given by L112 for the corresponding
complexes are in all cases slightly higher, aand this is account-
ed for by the differences in K, and K, already mentioned, The
velues obtained indicats that the chelates formed by both
copper (II) and nickel (II) with histidine methyl ester are
fairly stable and the kinetic study of the effect of these
- metal ions on‘the hydrolysis of the ester, by the expeximentel
technique outlined, was therefore made. The relative stabil~
ity of theme complexes was as to be expected from the Irving

20

Williams order “°, copper having the greatest affinity of

the transition metal ions for ligand molecules,



Table III.

Pitretion of histidine methyl ester dihydrochloride

(4 x 10"4 moles) in presenceof CuCiz (2 x 107 mo.le.) I= O.1M

[NQ*] ES 103
moles/litre |
3. 807

4. 358
4,596
4. 997
5, 255
5,476
50743
6.031

C«lo®> [El<108 | Qxi0®

moles/Litte] moles/litre|moles/litre|
2532 1.125 3,029
2,516 | 2.044 | 2,779
2.510 | 2,823 | 2672
2.499 | 5.184 | 2.489
2,492 | 7,735 | 2.370
2,486 (11,58 2. 271
2,479 |17.03 2.143
2:4T1 | 24, 70‘ 2,005 .

X.10%} Y. 100
0.189 |=2.76
0.515 -2, 38
0,907 ~1,95
2. 666 0. 207
5.424 3. 610
11.27 9. 32
2202 20,3
4.6 | 39.2




Fig. 7/



Table IV,
Pitration of histidine methyl ester (4 x 10™4 moles) in

presence of N1t (2 x 10™4 moles), I. = 0,1M

MO0 T pH | Coig® [ELic® | Q.6 | X10" | Yo7
3741 | 4,570 | 2.532 | 0.879 | 3.425 | 0.162 | ~4.79
4,218 | 4.650 | 2,519 1,149 3.186 0.227 -4.137
4.455 | 4,690 | 2,513 | 1.308 | 3.067 | 0,268 | ~3.698
4.925| 4,781 | 2.500 | 1.763 | 2.836 | 0.407 | =2 737
50391 | 4.871L | 2.488 | 2333 | 2604 | 0.597 | -1.141
5,851 | 4,962 | 2,475 | 3.051 | 2.371 | 0.856 | 1.23
6.308 | 5.057 | 2,463 | 3.965 | 2.137 | 1.205 | 4.635

6.647| 5.145 ] 2.454 | 5.083 1.968 | 1,730 8.37
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Table V.

Stability constants of Cu(II) and Ni(II) chelates with
higtidine methyl ester.

cut 8,55 14,57
Nt | 6.2 11.15
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TiT’RATIONS IN THE PRESENCE OF ONE EQUIVALENT OF METAL ION,.

When histidine methyl ester is titrated with alkeli in
the presence of one eguivalent of Cu(II)'9 the pH curve obtalned
ghows a very .in'teresting feature (fig.9)s An equivalence
point at about pH 5.5 occurs after the expected alkall uptake
of two moles per mole of ester dihydrochloride, This end
point however is followed by a further buffer region correspond-
ing to the relemse of an additionel jroton per complex molecule,
indicating that the following equilibrium must be taking place

cuE®* >  cuE* + W

No similar ionisation was found in titrations of the ester
' in the presence of one equivalent of Ni(II), Several examples
of this behaviour of 1:1 copper ehelates ha.vev been reported in
the 1iteratur021 2““

A consideration of the structure of the 1ild chel.a'l-:e of
histidine methyl ester with copper (II) indicates that a proton
could be liberated in one of two ways.

(1) The ionimation of the proton on the pyrrols nltrogenie

CH - CHa
_ /X | | /N
}n.. c c',H —COOCH; CH = T”‘COOC'%
osﬂH{g\ NH2 ™ N N Nh

g

N Ny’ Dn ¥
Oiy KO OHa



A proton release mechanism of this type has been suggested by

25

Bender as a possible step in theimidazole catalysed

hydrolysis of p-nltrophenyl aceidate,

iy A .  Roan B
R“'b“OR"‘" MH — R“(}"OR- RC?@?—H#“—&Q RCOM

& D

'(ii) The ionigation of a proton from one of the water molecules

bound to +the copper ion, giving a monohydroxo complex.

CHz

c
/
HC = S H COOCH3 HC= coocm

—_ /
chj’(M &H {om \c‘\

The second of these mechanisms for proton release is mar e

likely since in titrations of ester in the presence of half

an equivalent of copper, additionsl ionisation is not observed
‘although the proton release mechanism (i) would still be
expected to operate. Further evidence for this was provided

by Leberman and Rabin 19, who showed that the 3-methyl histamine
Cu{II) complex released one equivalent of proton, slthough it
does not have a proton on the "pyrrele"nitrogen.

Hence the fbrmation of the hydrexc form of the 1:l
chelate/



g

-

chelate affords the best explamation for the release of
proil:.ono An eccurate value of the diseociation constant for
this ionisation wae not obtained but the pK, appeared to be
about 7.00 from the titration curve (fig.9).




Pigure 9.

Titration of histidine methyl ester dihydrochloride
(4 x 104 moles) in the presence of CuCl, (4 x 10 "moles)
I-= O-JM3T= 25°€
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STUDIES.
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UNGATALYSED HYPROLYSIS,

If the effect of a metal ion catalyst on the rate

of hydrolysis of hietidine methyl ester is to be understood
it ie desirsble to knoﬁ something of the‘wéy in which the
uncatalysed reaction proceeds over a range of pHo It wa®
found that the estar hydrolysed at a convenient rmte 'in
solutions of PH > 9.4 end a series of kinetic runs, using
the apparatus and technique previously descyibed, was ecarried

out, in which the hydrolysis of the e¢ster was followed from
PH 9,40 to 10,30. From the reaction time ocurves obtained,
first order log plots were drawn (fig.10) and found to be
linear, If the first order rate constants were divided by the
appropriate hydfoxy]éon concentrations an approximately constant
value was8 obtained {see table Vi)° This indicates that the
uncatalysed hydrolysis proceéds by & simple bimolecular
reaction between hydroxyl ion and ester molecule. The rate
expresslon may therefore be written

=d Eate =k, [OH"] [Ester]

where ko is the second order rate conatant for ﬂhe'reactiono'
A% constant pH, i.e. constent hydroxyl ion concentration, this

becomes

=4 Bster) _ 1ops [Bster]
where/
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kK, LOH”J
kobs  _ X
- OF] - o ,
FProm table VI, the average value of ko is 47.1%0,8
| ] -1

where  kobe

it

litre-mole ~— min, -, which agrees reasonably well with the
velue 37 litre -mole %= mino"’l, obtained by Lit? from

conductivity measurements,



Figure 10,

Hydrolyeis of Histidine Methyl BEstsr at constant pH.
7 = 25%, T, = 0.l M. "
Plots of log {a— x) v8 %o
@

Q. - pH 9.40
b - pH 8.65
C —-pH 9,80
d-pHE 9.90
©e—pH 10,00
f —~pH 10,30
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COPPER_JON CATALYSIS, |

" The hydrolysis of histidine methyl ester in the presence
of copper ion, Over & rahge of pH, was followed in solutions
containing totel ester to' total copper retios of 2:1 and lii,

. Hydrolysis of the 2:1 chelate,

Considering the high atabllity constant for the ohelate
Cuﬂ2+(lon K, = 14.6) it is remsonahle to assume that, in
solutions of pH > 7 containing an estcr: copper ratio of 2:1,
the éoncentrationa of free Cut, cui®*, Cuk' end free ester
are very small compared with the concentration of Cuﬂgi For
the purposes of the kinetic studles on golutiens af this type
it was assumed that the only gpecies initially present, capable
of hydrolysing was the 2:1 chelate, CuE5?

The hydrolysis of the ester in the presgence of half an
eqpivalent of Cu(Il) wae found to proceed at & conveniently
meésurable rate in solutions of pH >7. The resction time
cwrves obtained for the hydrolysis at constant pH over a pH
range Of 7.80 to 9,40 are shown in fig.1l. It is &t once
ohvzous that an increase in hydroxyl ion concentration produces
an inerease in ﬁhe rate of reaction, which auggeata that the
hydrexyl ion is the attacking species as suggested by Kro11?
and Li;za

The/



Figge 11,

Hydrolysis of Histi@ine Methyl Ester at constant pH
Ester: Copper = 2:1, T = 25%, I = 0.1 M.

d pH 7.80
b pE 8.00
C pH 8.10
d pE 8.40
€ pH 8.70
f pH 9,00 '
g PH 9.40
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The interpretation of the reection time curves presented
an interesting problem. Assuming-a first order expression

log & - log {a-x) = k%
2,303

in which & = initiel totalcoacemtration of ester (= 4 ml NaOH
0.1N), and x = concentration of acid formed by hydrolysis

(= Volume of NaOH, at time +, to maintain constant pH); plota
of log (a—=x) vi time were constructed from each of the
reaction _‘agme curves, These log plots, an exemple of which
is given in fig.12, were all of the sams nature, showing
initially & marked curvature, which developed into a fairly
linear plot after about one helf life. This suggested that

the hydrolysis of the ester in the presence of half an

equivaelent of copper wus proceeding by two successive reactions,

an initially fost reaction of the 2:1 chelate being followed
by a slower reaction of the primery product

C“E§+ —-9-11-—) cunla* where A~ represents the enion
- of histidine, the hyqrolysis
CuEp* 0 producto

This explenation scems all the more probable when one
considers the hydroxyl ion to be the attacking species since
on electrostatic groundéz, the negatively charged reagent would
be expected to react at a greater speed with a species
having a double positive charge than with one having a single

Pdeitive charge.



Fig12



If the difference in the rates of reaction of the
two apecies is sufficiently large in this type of kinetic
soheme, then the overall reaction may be considered to
proceed in two separate stages, the first astep being almost
complete before the contribution of the second step becomes
appreeciable. The rate expreassion will be given by:-
- 57&%.—“—61; =¥ [o8] EuES* + ky (o] [oumat]
where k and k, are second order constanie,which at constant
PH simplifies %o
-4 Boed oy w4 w [o]
where ki = ky E)H"_l and ky = ky [(_)H] .
If k) >k, then initially

-4 Esteﬂ = K E"uE]
as

Since the initial concentratiéh of Cuﬁg"' is equal to
helf the total concentration of ester, then [Guﬁg*‘
initially, and a plot of log (2=2x) vs time taken from the
reaction curve should give rieeato a streight line of
gradient ~K{ jo 303>  Plots were constructed and Shown to be
linear initielly (fig.13) and the values of ki, when divided
by the appropriate hydroxide lon concentration gave rise to
an approximately constant vailue (table VII). This provided
edditional evidence that hydroxyl ion is involved in a
bimolecular/




Figure 13 o

Hydrolysis of Histidine Methyl Ester at constant pH,
Ester: Copperé:l; T = 2500; I =0,1NM,

Plots of log (g -~ 2x) vs %,

a

d PH 7.80
b pH 8,00
C pH 8.10
d pH 8.40
€ pH 8,70
{ pH 9.00
g pH 9.40
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T able VII,

Determination of k, from log (& =1x) ¥s. t plot.
- a

bH [oH T mdleslitre [l o (mih] 57T 1673 1
7.80 8,13 x 10~ 1,58 1.94
8,00 1,29 x 1078 | 2.70| 2.09
8,10 1.62 x 107° | 3,60 2, 22
8.40 3.24 x 1070 | 6.49 2,00
8,70 6.46 x 107% | 12.2 1,89
9,00 1.29 x 107° | 23.9 1,85
9.40 3.24 x 1072 | 79.5 2,45




bimolecular reaction with the 2:1 chelats,

The graphicel measurement of kl given above, clearly
had several limitations and it was thevefore necessary to
apply & more detailed treatment to the reaction time curves
in order to obtain walues for hoth ki and k% at any constent
pH. The treatment used was based on the method of Froatzao

Assuming that there is no disproportionation of the
intermediate product CuEA* (i.e. if 2 CuBA*A G +Culis’) end

that chelation is complete such that a 2:1 chelate is the

only species capable of hydrolysis at the start of the 'raaction
then the kinetic scheme will involve two consecutive second
order reactions,

CuES* 4+ OH _& CuBA® + CH,OH
cuEa* 4+ OH —ka Cudy, + CHyO0H

A% constant pH these will become psuedo first order
L]

cudt K, cumat bk ow,
with rate constantse ky and kj

Now if R is the initiel concentration of Cuﬂg*' and R, S,
and U the concentrations of CuEg"', CukA® and CuA, at any
time t, the alkeli uptake, dueto hydrolyais will correspond
Yo S 4+ 27,

The/
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The rate expressions for the various species involved may

be written a8 followd:-

gn% = 'ﬂki Roonoeoooovoosooon(lO)
‘%:SE = k]ﬂ—R - késonc»oooooaooooo(ll)

%:[EJ' = késo0000000000-00000.#0(12)

Integration of (10) gives
R = Roem kit -oooo.ooOQoncoo(lB)
Substituting (13) in (11),

S = R_k?
?,.,l ( e"kit g a—k%t )- oso000 (14)
2 iI

where S = Oa
Since, at any time, R + S + U = Ro, when S0 and U, are zero
then,
U = R - Rvm S

% | _
= Ry ~Ro€k1 ~ Rk gkt . oEBE )
5-k{
R, |1~ | X3t k3t
[ (kze 1 "kle 2 )] 6ococee (15)

Equations (13), (14) and (15) mey be simplified by the
introduction of the following dimenasionless paremeters and

Variablee,

s Y=Y ad §=pr2Y

_R )
0(- JB_ Ro

S
Ro



The values of X , 3 and Y = are the concentrations of

R, S and U relative to the initial concentration of R,

Roo
If now we letthe parameter T = R:‘t and K = %
then the equations above become '
oy -
oq =2 ... Coee U3
(3 - 1 _Q-'Y _Q:K’Y) )
= (14)

Y =1 —i—_—-(Ke—Y- EKT) . (15

= - (\"IK) .-.-__L_. o e e
ad S=p+2¥ =7~ ma g (16)
Since the uptalke of alkali due to hydrolysis at any time

corresponds to S + 2U, the function é is alBo related to
‘the amount of alkali used in this time. As the reaction
proceeds 9 will vary from O to 2, and the peraéntago
reaction at any time will be equal to 50 x O

~ Equation (16) mey be rewritten in the form

e ¢ .
d=1 -2 e + 1 ~X T
=% T~k °®

where d = 2 =9
In a reaction of this type K, the rutio of therate
- constants for the twb eonsecutive reactions is constant,
- and at any given percentage reacti dh d must be constant,

Hemce for o par ticular value of K, at @ particular percentage
ot/ '
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reaction , T will beéonsta.nt, and the value of T will
be dependent on the vulue of K,

‘Table VIII wes constructed showing the way in which the
value of T at any given percentage rezction varies with K.
The €valvation of K for the two stage hydrolysis of the 2:1
chelate 8L any constant pH was done by a time ratio method.
This involved comparing the ratio of the times required for
given percentages of reaction with the retio of T values for
gimilar percentages of reaction, over § range of values of K,
The value of K for the reaction was that for which the ratio

of T% equalled the time ratio.

In order to evaluate K therefore, a knowledge of the
time for known percentages of reaction was required and this
informetion is given in table IX, which was constructed from
reaction time curves, |

The data in tables VIII and IX are sufficlent to estimute
K for the reaction, by the time ratio method, A series of

time rutios was chosen.'at random and is shown in table X,

In the construction of this table, time ratios involving very
small times or very large times (i.e. times for low percentages
of reactions at high pH, end times for high percentages of
redction at low pH), have been excluded; the former because
they were subject to large experimental error amd the latter

because/
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VIII,

Variation of Y , at various percentages, with Ko

K

Yo |

Yool

"~
{40

Vs

Yeo

Tv0

Tao

T90

.05
010
.12
014
« 20

0,222
0.220
0,220
0,219
0,218

0
0
0
0
0

. 881
+851
- 840
- 831
-804

1o
1o
1o
1,
1o

454
354
322
293
222

2,556
2,149
2,049
1,967
1,787

5.570
3.5%
3,272
3,039
2,594

11.10
6,129
5. 377
4,808
3. 809

18,33
10,217
8, 701
7.630
5,730

32.19
17.148
14,477
12,573
9.163

Lo

Table

Pime (minutes) reguired for completion of given percentage

of reaction over range of pH.

& 0.2 | 0.4 | 0.6 0.8 1.0] 1.2 [1.4 [1.6 |1.8
PH7.80{14 |30  |50.5 |78.6 |125.2{186.5 | ~ - -
PH8,00| 8 | 18,7(32.5 |51.2 | 80.4|{122.1 | =~ - -

| pH8.20| 6,35 | 14.4 |25.5 |40.6 | 62.7| 99,1 [157.1] = -

| pHB. 40| 3.4 709114.3 1 23.4 | 36.6] 56.5 | 8T.T7|145 | 252
PH8,701.90 | 4.1 6.90| 11.4 | 18.4] 28.5 | 45.9]|73.4 | 127
PH9.00 1 | 2.3| 3.9 | 6.00| 9.4| 14.2 | 21.8]35.5 | 8.9
PHO.40|<1 <1 | 1.4 | 21| 3.3] 5.1 | 8.2/13.0 | 23.4




Table X.
Random time ratios for hydrolysis of hiskidine methyl ester.
€90 €so ty Ceo teo
PH /t 60 /tlo */t 20 /tlo : 430
7. 80 - - “ 13,32 3.69
80 OO it &= hind 150 26 30 76
8,10 - - 10,90 15,60 3.89
8.40 4.46 18,35 11.10 16, 60 3.95
8,70 4. 46 17.90 11.19 15.00 4.13
9.00 4,15 15.43 .50 14,20 3. 64
9.40 4.59 - ~ - 3.64
858" | 442 | 17.23 | 10.68 | 14.99 | 3.8
Table X1,

Tratios comparable with time ratios of Table X,

K oo/ Y60 'Yi)o/ V2o 'YW/ Y20 e %Yo ’l’co/m
05 50 70 36,51 22,11 25,09 6,32
210 4. 77 20,68 12,41 16. 34 4,22
.12 4.42 17.72 10,95 14.87 3.90
014 4,14 15,64 9.85 13,88 3.66
- 20 3.53 11.95 7.94 | 11.91 3.23




because they were not measur'edo

A comparison of the average time ratios in table X
with the corresponding T ratios for a range of K values
(table XI) indicates thatK= 0,12 gives the best agreement,
and this was taken to be K for the reaction, The caleulation
of individual ki and k% was now made poesible simply by
ingerting the appropriate value of 'T' in the expression ki =¥
Table(XXI) shows the values of ki obtained in this wey for each
reaction pH, The average values of ki may be compered with
the kj values derived from the graphicel method (table VII),
Once again the expression ki remains practically constant,
and this is a good indicaggg-r? thet the reaction mechenism
mey be completely described as an attack of hydroxyl ions on
the chelates CuEg"' end CuEA™ ~ The aVer'ageVValue of the
expression ki/t()ﬁj was‘ taken as the second order rate
constant for the reaction

OH™ + CuES* X1, ocuea® 4CH;O0H

ky = 1.93 x 104 litres / mole-min.
For the reaction

OF" + cusa* _¥2, “cua, + CH0H
Since

K= -1

- min-lo

=

2, k, = kK = 2,32 x 103 1-molse

K-
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-._umdm—lvm XII,

Detcrmination of w“_.. = \.Mu ?n.bo.d. b4 Howv

PH| 10% | 20% | 30% | 40% |50% | 60% |70% | 80% | 90% |“crden|Kfud .
7.8| 1.57| 1.64] 1.66| 1.68 | 1.64| L.75| - - = 1.65 | 2.04x10°
8.0| 2.75| 2.63| 2.58| 2.58 | 2.55| 2.68| - - - 2.63 | 2.04x10"
8.1| 3.46| 3.40| 3.29| 3.26 | 3.27| 3.30| 3.42| - - | 3.3 | 2,06x10%
|8.4| 6.47| 6.22| 5.87| 5.65 | 5.60| 5.79| 6.13| 6.00 5.74| 5.94 | 1.83x10%
8,7[11.58 | 11.98| 12.17| 11.60|11.14| 11.48|11,7L| 11,85 11.40| 11.66 | 1.80x10°
9,0{22,00| 21.35| 21.54| 22.00|21.80| 23.00 |24.70| 24.50| 24.60| 22,83 | 1.77x10"
94| = - | 60.00| 62.95/62.09| 64.20|65.60| 66.90| 61.90| 63.38 | 1.96x10*




‘gydro;ysis of the l:1 ehelates,

In the kinetic study of the hydrolysis of histidine
- methyl ester in the pfeéénce of one equivaelent of copper
it was assumed that in solutions of pH > 6 the umounts of 2:1

,chelate,‘free Cuz+

, and free ester were negligible compared
with the concentration of 1:1 chelates The only species in
solutien capable of hydrolysing were therefore the diaquo
chelafe, CuE2+, and the monohydroxo chelate Cub®,

Once again hydrolysis was found to proceed ata conveniently
meésurable rate in solutions of pH > 7 and the reaction time
curves obtained over a range of pH from 7.00 to 9,40 are shown
in fig.14, The genersl shape of the reaction time curves was
very different from those obtained for the'hy&rolyais of the

2:1 chelate, First order log plots were agein construected
and these are shown in fig, 15, The linearity of the plots
4indicatee that the reaction proceeds, at constant pH, accord-
ing to a simple first arder law with respect to total estero‘

The velues of the observed first order-rate constants are
shown in table XIIX, together with kobs, It is cleay that
the expression kobs ateadily decreuse; as the pH is ruised
and tends towardsHa limiting wvslue at high pH, A plausible
explanation of this observation is to be found if it is

agsumed thut the two species present in solutien, CuE?* and
CuE*, /
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Fi es 14 and 15.

Hydrolysis of Histidine Methyl Ester at conatant pH.
Ester: Copper = 1l:l, T = 25q0, I =0,1MK

Fig.14 Reaction - time curves,

Fig.1l5 Plotg of%ﬂ%igl ve to
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ngrolyaié of histidine methyl ester in presemne of one

Table XII1I,

equivalent of Cu(II), I = 0.3M T=25C

PH | [OHImde/iiere| Kobs. (midh) | feg; ltre-miétadd
7.00 1.29 x 10”7 9.72 x 107 | 7,53 x 1073
7,50 | 4,07 x 1077 | 1.68 x 1073 | 4,13 x 103
7.80 8.13 x 107 | 2.67x10°3| 3,28 x 103
8.00 | 1.29x10°| 3.72x10°3}| 2.8 x 103
8.20 | 2,04 x10°| 5.53x10°3| 2.71 x 103
8.90 1,02 x10™° 1.91x 1072 | 1.87 x 103
9,10 1,62 x 1007 | 2,88 x 1072 | 1.78 x 103
9, 20 2,04 x 1072 | 3,57 x 1072 | 1,75 x 103
9.40 3.24 x 102 | 5,60 x 2072 | 1.73 x 103
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Cul®, reamct at different rates. The rate expression for the

hydrolysis of the ester is then given by

| ﬁ—}fﬂt—e"j = ky [0E7) buz? + k, lougt] [oa"]
- kove  [gstel]

where k3 and k4‘are the second order rate .constants for the
alkeline hydrolysis of CuE2* and Cul* vespectively. The rate
of hydrolysis will thus depend on the relative volues of k3
and k4, and the reletive concentrations of Cu32+ and CuB*,
which in turn will be dependent on pHo, At high pH the
concentration of CuE2+ is very smell compared to that of cur®
and'the overall rate will be due almost entirely to the

hydrolysis of CuE' i.e,

kobs [Totel Eeter] = = k, [0H] rour)
‘Hence in the limit,kobs = k,. This, therefore, would
- 0ET
explain the fact that & limiting value for kobs 1is found,
0

On the basis of the above scheme & quuntitative treat-
ment waé applied as follows, Assuming the concentrations of
free copper, free ester aund 2:1 chelate to be negligible .
compared with the concentration of the 1:1 chelate, then
Total Lster = A = }:Cunzﬂ + Eqﬂ‘}..o...;......(l,'l)

If the above reaction scheme is correct, then
kobs/
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kobs.A =k [OH"J [cur?] . k, Jorr] [ow]

and %?%%l JA = 3 l;uﬂ2ﬂ " ka lbuEfk....‘c..‘......(18)

Let Ki be the uissociatlon constant for the equilibtium

leee  Ki = E’% {H*f}

:-[buEﬂ = Ki %3: Eun a......on‘..o......o..io--.o.ﬁlg)
' +

Substituting (19) in (1.8), we have

L%%%g.A = kg [cur?] + k# K158 [Gu}sz*l...........(m)

From (19}'

utd . lcug®] . 1 ., Ki%%
PUEs B

£2
\ = 6000000000000 0ROROOOIOOTO l
‘.pﬁ'e‘é'*] lf%ﬂ? e
J
Substituting (21) in (20), ’
kObs .A = k . f2 | 4+ k4ziﬁ s A
2:9) I E i Y 1. wifg
'{ﬁ"i ‘ - L

S kObB (\ §g;i + %) | k3 + Ik ese(22)

This is of the form MX + C, where
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Y = kobs ({H"’} +1) ‘and X = Lg"}_
OF] \ KiEZ K33

| 7T | T
A plot of Yvs X should therefore be linear, the slope
being k3 and Y intercepi; k4. From the potentiometric datae
Ki%% .’310"7 (£i3.9) é,nd this value was used in the coanStruc -
tion of an X,Y plot (fig. 16) which proved to be & straight
line, within experimental error. The velues of ky end k,
obtauined from this pldt were 1,29 x 10% 1-mole”t-min.™t and
1,70 x 103 1,-molef'l~min.,"l, respectively. |



Figure 16,
Plot :of Y vs X from the éata of Table XIII,

whgre', Y = k obs, -(Q;}rl + |

b

and

B
EaTa



Fig16



Nickel Ion Catalysis,

Having established fh;,nature of the copper (II)

catalysis of the h&drolysis of histidine methyl ester, a

study of the nickel (II) catalysis was made in order to
| compare the cutalytic effect of these two ions with the
stability of the chelates formed., Preliminery experiments
showed that a similar hydrolysis pattern was to be expected
in the ﬁi(II)ueBtér systeﬁo
Hydrolysis of the 2:) chelate.

The relative values of K3 and K.4 for the Ni(IIX)
ester aystem,’(tablg V) are such that in solutions of pH>
T7.00 where the ester: Ni ratio is 2:1, there is a not
insignificant dissociation of the 2:1 complex

NiBst = §iz®* 4+ B

Te ensure that effectively all the Ni(II) was present as
the 2:1 complex, it was therefore necessary to observe . .
hydrolysis ih solutions containing an excess of free ester.
For this reason, hydrolysis of NiES* wa.s observed in solutions
where the ester-Ni ratio was 10:3, and corrections were made
to the recction time curves to allow for the slow hydrolysis
of the free ester which wus almost, but not gquite negligible
in the pH range studied. The times for completion of given

percentages of hydrolysis of the 2:1 chelate, Niﬁé*, over the
pH/
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:pH,range 8,40 t08,90 are given 'in Table XIV, Calculation

. of oppropriate time ratios (itable XV) and comparison with the
T ratios of table XI, lead t0 a K value of 0,14, Values of
ki, calcvlated assuming X = 0,14 are shown in table XVI; along
with average k£ values znd ki4bHﬂ ° The expression k& we.8

again found to beapproximately constent and the average, k

=
7,09 x 1031-no1e™t-min™t, was theérefore taken %o be the second
order rate constant for the alkaline hydrolysis of the 2:1
‘nickel chelate. It follows that the second Qrder constent

k, for the hydrolysis of NifA* is 9.92 x 10°litre-mole  -minT’

Hydrolysis of the l:1 chelete,

Solutions containing ester and nickel in the ratio 1l:1
showed a tendency to0 precipitate nickel hydroxide, dus to
glight local alkalinity at the burette tip. - This cuused any
kinetic measurements mude on such solubions to be subject to
much larger experimentel error than in solutions where no pre-~
cipitation occurred. It is for this reason that only a very
approximate value, 4.7 X 1031itre-note toninTt o can be assign-
ed to the second order rate constant for the hydrolyseis of'the

1:1 chelate NiEZ*.
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Table XIV

Time (min) for completion of siven percentagze of reactions

in hydrolysis of WiBS*.T=25°C,I=0M

ki for the hydrolysis of

NiEg+ (minq'l x 10%)

pH tio Lo tao - tﬁ_@ tso teo t-7o t g0
8.40] 9.60] 21.5| 37 59 [ 86 132 - | =
8.60| 6.0 | 13.5|23.0] 36.5]55 83 135 -
8,90 | 2.9 6.5 |11.2| 18.0 | 27.0 | 40.0 |62.0 |103"
TABLE XV. |

Time retios for hydrolysis of Nik3*
PH |2 | "0 |"%oo| %00
8.40 =1 1375 3.57 -
8,60 | 10,00 13.831 3.61 -
8.90 | 9.54 | 13.79 | 3.57 | 15.85

| Table XVI,

PH

10%

207

30%| 40%

50% | 60% | 70%

8.40
8,60

8.90

2, 28
3.65
To 55

2, 27
3.62
7.51

2.25) 2,19
3.61f 3.54
7.42| 718

2. 2420
30 58 30
7.29|7.

30| -~

66 |3.56|

60|7.7

80%

T.27

R ]'
"@!&..fBZ%F.
20 26 6. 98I

3. 60| 7,02:0°
7044 | 7. 294i0°




GENERAL DISCUSSION
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The hydrolysis of histidine methyl éstgr has been
shown to procecd via a bimolecular reaction betweeﬁ .a.
hydroxyl ion and an ester molecule, either free in Solution
or bound to & metsl ion. The reactions studied and the aecond

order rate constants obtained are shown below -

1 E+OH — A" ko  =47«I0 litre-mielmn.
2. GEFOH™ GEA  kge = [ Wi0" o u

3. GEA+OH™— Cul, Kot =230 v

4 GEMOH™ GAT kg = 110" v v

5 GE +0H — A Kegugr = F70XGPw
6. NB' +0H™— MEAY  kygy = 708G« v

7 NER+OH — NA2  lguew = T0x0* # v
B NEHOHT— NAT  kgygr= 4RI W w

1}

From the above information an order of reéctivity for the

various species; capable of hydfolyéilng, may be constructed,

a8 follows:-

CuEd* > CuE?* » Nik3* > WiE®* > CuBA* > CuE™ > NiEA" >E.

Several conclusions may be drawn from this, concerning the

faétors influencing the catelysis of the hydrolysis of the ester,
It/



It may be Been that the reactiviiy of a apeeies
depends %9 a lar@e extent on the overdu positive eharge,
gince species possessinv two positive charges are more
reactive than those possessing one positive charge, and the
reactivities of both of these are much greater than that of
the unéharged ester molecule, Another factor is the number
of ester molecules present in the species, since epecies of
similar charge, but having different numbers of ester molecules
present have different reactivities.

These two factors do not, however, account entirely for
fhe order of reactivity given above, If the rcactivities of
copper and nickel chelates of similar charge and possesaing
equal numbers of ester molecules, are compared it is found
that in ali cages the copper chelate is more reactive than the
nickel. An explanation of this observation mey be found from
a congideration of the relative stabilities of the copper and
nickel cheletes with histidinelmethyl ester, (table V). The

formation constants of copper chelates are considerébly greater
than those of similar nickel chelates and the reaétivity of a
chelate towards hydroxyl ion would thus seem to,depeﬁd on the
degree of interaction of the metal ion. with the eater molecule,

Metal ion catalysis of the hydrolysis of hlatidina methyl

ester, therefore, may be regarded as being due to three ‘effects,

(1)/
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(1) Introduction of positive charge into the
ester molecule, ‘
(11) Statistical effect.
(iii) Electron withdrawal effect. ‘

These obviously must be intimately connected with one
another, and it would be very difficult to assign quantitatively
the contribution made by each to the overall catulytic effect.
It is however, useful to compare the reactivities of suiteble
hydrolysing species, bearing the three catalytic effects in
mind,

(1) The overall effect of the introduction of positive
charge to the ester molecule may be seen by comparing the
reactivities of the uncharged ester, with the reactivities of

the metal cheletes bearing one and two positive charges’

respectively. 7 L v
k 2 ' 2 K, o ot
Cuf = 2,6 x 10 CuE 24 x1
Kanig?* = 1 x 102 Kopspat < 2 X 10t
Q ’ E .

o

.The reactivity ratios must also include the electron withdrawal
VEffect of the metal ion and hence the ratios fer copper chelates
Bre somewhat lerger than those for similarly charged nickel

chelates, It would seem reasonable to éssume, however, that
the/
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the imi:roductidn of o net sirigle chéige in fhe vicinity of
the ester group inéreasea the.ré,«te of .hydr:a&yais by at least
a factor of ten, where as the. introduction of o Qoubie positive
charge incréases the rate by at least a factor of 50,

The incresse in hydrolytic rate is éasily understood
if we bear in nind that the attacking species iB a negutively
chargzed hydroxyl ion, The introduction of poaitivé charge
to the vicinity of the ester group would have the effect of
increas:mb the concentration of hydroxyl ions in the neighbour-
hood of the ester molecule, thus increasing the chance of
effective collisiona,

The effect of introduction of pbsitive charge on alkaline
hydrolysis has been studied. Westheimer and Shookhdffz'?.
neasured i;he ratas of élkaline hydi'olysis of t-butyl diinethyl
glydina‘te and t-butyl ‘betainium chloride and¢ found that thé
rate of hydrolysis was increased by & factor of 103, on intro-
dﬁc;tion of positive charge on the of nitrogen. A%t .fi.ra.st aight
fhe results of the present work might seém tb'be'j.n d:l.sagreement
with those of Westheimer, in "that ir;trodu;:tion of va single
Positive chargé has been shown to have é very ‘much smaller effect.
In t-butyl betainium chloiide, hnowever, the o nitrogen besrs

& single positive charge,



f @% - E? Gty
(Vd CH},*,I?I,,——CHZ— — O-C—CHy ,
CI'!S - éH’:,
and must therefore exert & very powerful inductive effect,
withdrawing electrons away from the ‘eater carbonyl group, and
greatly enhanc:ng its reactiv1tyo In a charged metal chelate
on the otherhand, the positive charge ié distributed over
‘geveral atoms end the inductive effect of the o nitrogen will

be greatly reduced compared with thet in the betainium iono

- o
o= ¢ Nen— C-0CH3
C o st
ot :
n-37 R
H H
Thus fractional positive charge on the o nitrogen
provides a'plausible explanat ton for the apparent difference.
(11) The statistical effect observed may be explained
u8 a corollary of effect (1), since the introduction of addi-
tionel ester groups into a regilon of positive charge will ‘
further increase the chance of reaction, - When the retes of |
reaction of similarly charged chelates containing one and iwe

eaterj’



ester molecules are compared it is found that these ere not

2 a3 would be expected on statistical grounda, but about 1.5

leuEg* » 5 kmiﬁg‘“
o 1. : = 1.5
Kk 3Cuﬁz” k.3NiL='§*

A possible explanation of thie may lie in the differenéq in
distrivution of the positlive oharge in the diaquo 1:1 chelate,
‘and in the 2:1 chelats, cauaing the o nitrogen to exhibit a
different inductive effect,

(111) A measure of the relative electron withdrawal
‘effect of the copper and nickel ions in the hydrolysis of
histidine methyl ester may be estimated by comparing the

reactivities of similar copper and nickel chelates.

K. o\ 2k Koo 24 »
Wully —a7 LE— —oa7  Foumt _
YnE2t oNiEA*

' We can conclude that the reactivities of copper che;ates are
sbout two and & half times as greét es the reactivities of
similar nickel chelatea; Since it has been shown thet copper
has a greater intersction with histidine methyl ester than does

‘nickel it is not unreasonable to suppome that the effect of the
Iresence of a copper ion on the electron Gistribution within
the ester molecule would be more pronounced than the effect
ot/ |
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of a nickel ion. The withdrawal of clectrons towards the
metal increases the susceptibility to nuocl eophilic attaok~df
the ester cé.rbonyl group.

Very few comparisons of metal jon catelysed and‘uncatgu
lysed hydrolysis of ol amino esters have appeared’in the
literature, but itkis of interest to examine them, In 1957
Bender and Turnquestlo measured the ratea of hydrolysis of
geveral K amino esters, in coppef glycine buffer aolutioﬁe,
‘and concluded that the mechanism for the catalysed hydrolysis

was as follows:-

o - -
(3Hf—"Cf? ?Pﬁf“ﬁféj
|
NH, O NH. O
\Cu/ N \_,(u\/ N
/ . VAN
NH, O tllel Cl)
R-tH— E—OCH, R—GH— G-OCH,
| N O
; =g
NHz N{'Z /o
_——-——-—) w
N\

A
SRS
OCFh R-CH-—'-(,}\




Thie mechanism clearly involved direot interaction
between the carbonyl oxygen of 'the_ est.er growp tnd the metal
ion, The evidence for this was based on & comparison of
the caslculated rates of acld and alkaline Ahydrolysia with the
rate of the metal ion catalysed reaction. The alkaline and
- cupric ion catalysed hydrolyses were compar ed for the hydrolysis
of phenylalanine ethyl ester and the retio of the rate constants
wes found to be of the order of 1060 It hed been Shown
previously”that the idntroduction of a positive charge two atoms
away from the carbonyl group of an eater increased the rate
conatant for alkaline hydrolysis by a factor ef 103., - Hence
Bender and Turnquest favoured the view that the catalysls.
could not be due to the attack of hydroxyl ions on the positively
charged ester molecule, but that the metal ion was acting asa.

super catalyst, interacting directly with the carbonyl group.
The ratio of rate conatants derived by Bender is subject to

some doubt, Since the catalysed rate constant involves buffer
intez'action; and the alkaline rate constant was calculated from
& pecond order constant for alkaline hydrolysis measured in 85%
| esﬁa.nolzao

A mare direct comparison of catalysed and uncatalysed
rates of hydrolysis was made by Li, Doody and Whitelao By a

eonductivity method they measured the -rates of alkaline hydro-
lysis/
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lysis of histidine methyl ester in the absence end presence
of copper and nidkél ions, - The solutions under study
contained metal ions (when--present)9 ester and hydroxyl ions
in the ratio 1:3:3, and the second order oonstants which they
obteined are shown in teble XVIL. - They found that the
presence of nickel and copper increased the measured ragte
constant by a fuctor of 2.5 and 4.5 respectively, which 1a
vastly different from the factor of 10° observed by Bender
and Turnquest for copper catalysis and considerably different
from the values of rate constant ratios measured in the
present work which ranged from 20 to 400,

A An explanation of the difference in the reesults obtained
by Li, Doody and White and those obtained in the present work
is to be found in the reaction conditions employed by these
euthors. Since the solutions conteined ester, hydroxyl ions

and metal ion in the yretio 3:3:1,; the specles preaénx
initially would be ME§+ and E in equal proportioms, and the

initial rate expression would be given by

i_%%tﬁr] - K [ox] [MES’? + k¥, [OH-] [E] '

Since it is known from the present work that k, % k,

for both nickel and copper, the chelate lE%* Will be almost

¢tompletely hydrelysed to 112, before an appreciable dlonns of
free/
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Table XVii.

Inicial Ester K obs.
L_Concentration Metal Ion (litre/mole—min) |
.00478 M - 3.72 x 101
.00382 M N1+ 9.44 x 10%
00382 M ‘cu?t 17.04 x 10*
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free ester hasreacteds Thip means that after eomplete
hydrolysis of the chelates the alkali concentration will
8till be ohe third of ite initial value., In the kinetile
runs reported the initial total ester and alkall concentra~
tion was 3.8 x 16°M and hence after complete hydrolyeis of
the chelate ME5" the alkali concentration must have been
about 1 x 1073 M, i,e. the pH must have been at least 11
during the hydrolysis of the chelate. From the kinetic
informetion derived during the present work, the times taken
for 90% hydrolysis of NiES* and CuEg+ at pHll are 1.8 min. and
0.7 min. respectively. It 18 therefore doubtful whether very
much of the hyé@rolysis of the metel chelates could have been
 followed by a conductivity method in solutions of such high
hydroxyl ion concentration.

In coneclusion, the work presented here has shown that
the metal ions Ni(II) and Cu{II) catalyse the hydrolysis of
“histidine methyl ester by chelate formation which increases the
reactivity of the ester towards hydroxyl ions. The overall
catalytic effect may arise in three ways;{(1) theé introduction

of positive charge (ii) a statistical effect (iii) en

" electron withdrawal effect.,. A comparison of the ratios of
'kcatalysed and uncatelysed reactions shows that the mechanism
of catalysis may be described in terms of these three effects

and
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end need not involve direct interaction of metal ion with
the carbonyl oxygeno

CHy. OH CHa OH
e

CH:R CH-@-C—"OC_H3 — (.H‘:‘:C/ \Cﬂ—'é,-—%(}h

4 Nz, 60 NN &

NIA NPz

CH M R M
_Cha 0
—  H=¢ “eh—c?
HN



THE CONDUCTIVITY OF SOME
SYMMETRICAL RARE EARTH
SALTS IN WATER AKD

DIOXAN-—WATER MIXTURES
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INTRODUCTION




The bshaviour of electrolytes in solution is a subject
which has fascinated physicel chemists for over a century.
The first attempt at a quantitative description of the properties
of ions in solution was given by Arrhenius, who observed that
the euqivalent conductance of electrolytes decreased with

increasing concentration, He explained this by assaming that

dynamic equilibrium existed between neutral, non conducting
nolecules of electrolyte and the free ions into which the
electrolyte dissociated.

M = o + y Sant

Application of the mass action law to the equilibrium gave
the equation, |

[Mz"'][ljiz"] = n_ql\(f N X))

where ¥ was the fraction of free ions produced and m the

nolaxr concentration. He next assumed that
y =4 ... ... (9
Pay, :

where A was the equivalent conductivity andAzﬁo the conducti-~
vity at infinite dilution. A combination of (23) and (24)
led to the Ostwald dilution law,

a0 _ o e (25)
A“A°+KAO )

. A“
and when this was tested experlmentally by plotting /i

against/



against mA it was found that equation (25) described faixly
well the behaviour of electrolytes for which Y was small,

but was inadequate for those electrolytes which were highly
dissociuted. These two classes were vefined as being wesk

ana strong electrblytes respectively. Typical of the first
class were the carbokylic aclds while excmples of the second
were simple uni-univalent inorganic salts

In his treatment of electrolyte solutions Arrhenius hud

agsumed that the mobilities of icns were independent of con-
centration and that any deviation of A from /S,was due entirely
to incomplete dissociation. Kohlrsusch, a contemporary of
Arrhenius, hacd observed that for those salts, whose behaviour
was not described by the Ostwald dilution law, the equivalent
conductivity decreased linezrly with the aquare root of the
concentration.

With the advent of structure determination by X-pray
crystallography in the early part of this century, it became
evident that inorganic salte conaisted of separate ions hel d
together in a crystul lattice, there being no individual mole-
cule within .the crystal. The fact that ione in the lattice

were held together by electrostatic forces, suggestéd that
these forces might continue to exert considerable influence after
diséolution of'the crystal in a solvent, The consequences to

be expected/



expected from this were that the movement of iong uunder the
influence of an electric field ﬁouid be somewhat restricted
by ions of opposite charge, and a decrease in equival ent
conductivity with increasing concentration was thua.expléinedo
It was also realised about this time thet the activity
coefficient of an ion would be iﬁfluenced by these Coulombic
forces and several workers attempted to give a quantitative
treatment of electrolyte solutions, which would take into
account ionic interactions. The first mejor success was
achieved in 1923 by Deb ye und Hickel??, who pictured an elec-
trolyte solution as consisting of completely dissociated, rigid
spherically symnetrical -ions. Having chosen a reference ion,
all the other ions were replaced_by a continuous space charge
whose densaity was acssumed to be a function of the distance
from the origin. The electrostatic potential around the
reference ion was related to the charge density and dielectric
constant of the surrounding me dium by means of‘tpe Poissohequa—
tion, Application of the Boltzmann distribution to describe
local concentrations, allowed the'density in the Poisson
equation t§ be replaced by the stoichiometric eoﬁoentrations,
éhargea and potentials of the ions. This led to0 the weli
known Debye Huckel equation for the mean activity coefficient

of an ion,

- - - - - (26)



ﬁheré A and B are deflned by the temperature ond nature of the
solvent and a® is the distance of closest approach of the ions,
Using the same concept of an ionic atmoaphere of idne of
~one type around a central ion of opposite charge, Onz-:.ger3o
gave the first successful quantitative trestment of conductence
of completely dissociated electrolytes. Two effecta of inter-
ionic attraction were coneidered; the relaxation and electro-
phoretic effects. The former described the retarding force
exerted by the ionic atmosphere on an lion, under the influence
of an electric field, when it moved from the centre of its
atmoépheie; the latter described the slowing of an ion by
golvent molecules moving in the other direction and a tendency
for the ion to drag such molecules along with it Cohsidera-
tion of these effects gave rise‘ to the familiar Onsager
~equation;

A=A, — (X A+ PNT - - (27)
where the two constants o and (‘5 are described by teﬁperature,
viscosity, and dieiectric constant of the medium, the valency
type of the selute and physical constants. This had the asame
form as Kohlrausch's equation,

Both the Debye -Hiickel und Oneager equations held only
8t very low concentrations. This was & neturel consequence

of/



- of the choice of a modei in whiéh ions were ponsidéred'tq

be point charges. Since then, both equations have been
improvéd‘and extended to allow for finite ionic eige. Higher
terms in the mathematical expansions which were neglected in
the preliminary derivations, and forces other than ion-ion
forces which mey occur in solution have also been taken into
account,

While the Onsager equation was very successful in
predicting the conductivities, in water, of many.salte which
hadnot obeyed the Ostwald dilution law, negative deviations
from the predicted Onsagef slope were known to occur for some
salts in water, and still more puzzling waé the faet that
electrolytes, which appeared strong in water gave cqnﬂnctivity
curves typicel of weak electrolytes in liquid ammonie.
3eviations of this type were successfully explained by & return
to the Arrhenius'theory of incomple te dissociation, In the
‘cuse of weak electrolytes such as carboxylic acids the equili-
~ brium was gssumed to involve neutral molecules,

HA — A™ + HY,
where as with the inorganic salts there was no unionised
neutral molecule to dissociate and the process was considered

to be an association of ions to form an ion pair,

Mt Xx" """““_____ MK(mnx)*'

1.v4



A quantitative theory of ion pair formatioﬂ wvas given

by Bjerrumﬂ in 1926, which arose from a consideration of

the eff ects of electrostatic forces on rigid, unpolarieable,
charsec spheres of diesmeter "'af; in o medium of dielectric
constant, D. Hon polar quantum bonds between ions were
neglected as were lon solvent interactions, He showed that

the probability of finding en ion of type "i" in any unit

volume at & distance I' from an ion of type "Jj", of opposite
charge, was et a minimum at a distance q given by

qQ = e’ |ziz |
2Dk

It follows that g 1is the distance‘ of separation of ions for
wvhich the mutual potential energy is 2k7, For values of 7
‘less than q the probability inoreases rapidly as  decreases;
.for .r>q the probability increasecs slowly. Bjerrum assumed
that two ions at a distance r<{q were asceciated, so that all

ions at & distance p where ‘A & r ¢ qQ were considered to be
paired «nd to exhibit properties characteristic of the new
entity. 4 relationship between the ¢issociation constant 'K, .
the dieleetric comstant D, and the distance of closest approwch
8’ was derived in the form

log K const -~ 3 log D + log Qfb) .

~lo0g b = const + log D + lcg”a‘t
where/
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where  Q(b) = Jb 2 Y-4dY
2 _
and b = zl'zae2
 a Dk €T | | ‘

With the introduction of a quantitative theory of ion
pair formation, the measurement of dissociation constants
took on a new sisnificance and the theory has been verified
for many systems over a range of dielectric constants and
" temperature. Fuoss and Kraua3% for example,have shown that
the Bjerrum theory adequately described the observed conductence
of tetraisbamylammonium nitrate in water-cioxane mixtures of
low dielectric constant,

The sctwval methods of deriving constants will be described
in the next section and it is éufficient ét present to say that
they are based on the Arrheniue andFOstﬁald theories with suit-
able modifications to allow for ionic interaction, The use
of conductivity measurements is particularly applicable to the
- study of symmetrical galts since the ion pair formed is uncharged
and does not conduct electricity. The wark of Fuoss and Kraus
on 1:1 electrolytes at low dielectric constants has been
mentioned, In solutions of high dielectric constant such as

aqueous solutions, appreciable ion associ&iion is to be expect-
ed only with high valency type electrolytes, The dissociation
of lenthanum ferricyenide in water and other solvents of high
dielectric/
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dielectric constant has been’atudied, 33, 34, 35 and it has
been shown that the ue.of the lim‘iting' forms of the Debye
Huckel and Onsager equations gives satisfactory dissociation
constants, whose values vary with dielectric constant i‘n a
way very close to that predicted by the Bjerrum theory.

In an attempt to extend the work on 3:3 el‘eotrolytes,

36 meesured the conductivities of secveral rare earth

Atkinson
cobalticyanides in water and dioxane-water mixtures, The
constants derived from these data indicated a completely
snomalous behvaiour, for while the A, values in each solvent
were..in, complete accord with what mas to be expected from
independent ion mobilities, the dissociation constants differe d
considerebly through the series, Although Walden's rule wes
closely obeyed, indicating that ionic radii remained the spame
in each solvent, the’s values were apparently not constant,
Monk37 pointed out that consistent X values could not he
obtuined, using many of the A, values reported and that large
differences in dissociation constants were not to be expected
in a series of rare earth salts, In view ef the excellent
asrecment of {(anthanum ferricyanide with its behaviour prcdicted
by the Bjerrum theory of ion association, Monk suggested that
the apparent anomalies in the cobaltioyanidé scries were of

- experimental nature. The object of the present work was to
provide accurate conductivity data for a series of rare earth

salts and to examine these in the light of the Bjerruni theory

of ion association,



DETERMINATION of - CONSTANTS from CONDUCTANCE DATA,




Where negative deviations from the limiting Oneager
slope occur even et very‘ low concentrations these can be

attributed to the formetion of ion pé,irs in solution,

z::
+ X S

‘Methods of evaluating the equilibrium constant,

E = ﬂmf*ﬂxz“} - ofX" ,..o..,,(28).

L} 200
where C is the equivalent concentretion, have been given by
vavies3®, Fucse3?, Shedloveky?©, wirth*l and Ivest2. These

are all based on the Ostwald-Arrhenius theory of incumplete
dissociation, suitably modified to allow for interionic
effects on both mobility and activity of ions,

The basic assumpiion is that the degree of dissocietion
is given by

A ),

where A is the measured equivalent conductivity and Ay
is the conductivity of a soclution of ieonic concentration,CY

calculated according to a theoretical conductance
equation.

In 1933, Davie838 applied these ideas to the study of
ion association in metal sulphate solutions. Where Ao is
known X may be calculated by successive approximations from

the equation

A
A= Ao~ (XAERYCAY. .30
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by teking /J,, = Q, as a first approximstion on the right hand
gide and repeaating the calculation untii Ax is constant,
The value of ¥ which results may be used in the limiting

" i)eby e~-Huckel equation written in the form

—logfy = AZWNT = ,D\zs/’-L yC . |

By substituting the values of f, ¢ and ¥ in (28), K mey be
calculated. This procedure is repeated for each measured
concentration and a constant value of K is an indication of
a correct choice of equilibrium. v

Conductance data may also be used to provide both K and
‘Ao in cases where the latter may not be readily available.
| Usinz the ssme basic assumptions as above, Fuoas39 chose a
preliminary vulue of Ao from a rough extrapolation of a A =\¢
plot, and calculated § and f. These were then sabstituted
in the equation

fe=VRYX .. . . ... (3

which is derived by rearranging equatien (28) putting X = oud 4

v
A correct value of /A, results in a straight line of zerd ¥

intercept on the {VC exis, and gradient Gk . Ao s
varied and the procedure repeated until a plot satisfying these
. condit ions is found when the dissociation constant may be

evaluated,/



evaluated,
This prbcedﬁre is obvicusly tedious, and time consuming,

when done manuslly ahd a more rapid method has been given by

Fuoss4 3.,

The degree of dissociation was written

— 4 ‘A . . . . . y
Y = Aoii—(dA°+BXXC)§A/°} h | (32)

The terms in { } brackets were replaced by a function F(z)

where
R =1 -z -z -z JH} A F . 4 cod ; cos ~1[-152]
and , |
Z = (O&Ao+{3)<%%h)
i,e, A

X =Ao F(2)
Tables kave been constructed?3 of P(z) and Z, so that
heving chosen a /A,value, ¥ and f may be found quickly.

F) - L+ %ﬁ-— %
Y F(I)Kz 0

A
A plbt of F_(_z) V3 Cv_ffl gives a new value of /So from the
intercei)t ang .this ;é-zgceaa i8 repeated until a consistent Ao
is obtained when K may bve e&aluated from the slope.

In Shedlovsky's sreatment?O a slightly differeat form

of the limiting conductance equation was used,

A = Ao“(dAo’*'ﬁ)_?;\rE )
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and & solution for X was found in terms of a function

. \2
- ( = z\*
S = (2. + \]|+(_2_.)) )
leading to an equation of the form
| I cASEE?

— e

=t ZRE - (33)
Vulues of Aoand K were obtained by similar plotting procedures,

The relationship between the Fuoss and Shedloveky conatants,

Kf and Kg respectively, haa been shown 44 to be
L= Ly (tbetR)?

KS - Kg '—""%""

Where K ) 10™3 the Shedlovsky value is to be preferred since
the limiting conductance equation used by him agrees with
observed conductivities over a larger concentration range.
Where X £ 103 the two methods ere equivalent end give K valte s
which agree within experimental error. |

'Recen'bly.,w:ir‘thé‘ll haa suggested a modiﬁca.tién ofvthe
Puoss method in which ¥ in the denomimstor of equation (32)

is replaced by —-/,%‘— The eqm/zation may be then written

39 _ ‘;—)—‘_

Y= A W)

where W(z) = 1 = Z, which leads to an equation

w@ - L CA!(‘I

A - wWeorkEs
in which f is calculated by meians of extended form of the
Debye~Huckel equation for activity coefficients.

From/
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From equations (28) and (29) IVeS4? derived the expression

A‘Ax = -."'AK‘LK

~ and when A is added to each side this becomes
A+ (BotBIge = Ao - AEEC
which is of the form AxZK
Y= Aom
Ao is obtained by least squares and the calculation repeated
until constant values of 4,and K are obtained,

The methods given above are all restricted to ceses
where deviations from the Onsager equation are large, and
ion association effects are vefy much greater than the
approximetions involved in the originel conducto.ﬁce equation

The most recent advance has been the application of the Fuoes

Gnsager conchlctd.nce equation 45

s to the preblem of ion associse
- tion in cases where the extent of association is amall,
Fuoss end Onsager wrote the conductance equation far

unassoclated electrolytes in the form

A= Ao-Sck + Eclge + Jc(1=%c*)(1= ”;,C‘) )

Where S was the Onsager slope E dependeni on proper ties of
sélvent but independent of ion size and Jl and J2 func tions
of ion eize. Fuoss'® used the above equation to-describe
the conductance due to the free ions.in solutions of and

associated electrolyte by rewriting in the form

A,‘ = - S(Yc)z + E¥C 103 Yc *JlXﬁ(‘-d(XC)‘ixi J;%C)z) ;
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and when this was used in conjunction with the extended

cbye-Hickel equation for activity coefficients a graphical
method for deriving K)’a“ andAo for 1:1 electrolytes in water-
dioxan mixtures waes described.

48

Fuoss and Kraus 2

showed that where K was less than 10~
earlier methods, which made use of limiting laws could be

adopted without great loss in accuracy; this was also found

4

by Nash end Monk*?, Since 3:3 electrolytes had been shown ¥

to have uissociation constants of the oxrder of 10"4, the use
of one of the earlier methods in the presant work waar Justi-
fied, Although the original Fuoss method39 is extrenmely
tedious, when done manually, the reiterative mathematical
operations involved are ideally suited for e high speed .
computer. A programme has been constructed for the Deuce
high speed electronic computer, which enables Aoand K vaiues
to be calculated rapidly fromAand VC data.

Determination of Ao

The determination of /S, by the methods outlined sbove
places a great deal of reliance on the applicability of the
“1imiting Onsager and Debye Hiuckel laws to ionic salutions of
finite concentration. It is therefore fortunate that other
methods. ere available for measuring Ag

The/



The ofiginal method for deriving Ao from cohductivity
data was simply to construct a A-\Z plot and extrapolate
to zer® concentration. FPor highly dissociated electrolytes

at low concentrations this leads to valuee of A which are

50

reasonably seccurate. Owen hus propoéed a more sensitive

determination of /.\o » based on a conductance equation
A :AO—SQ“—}. + Ac logc + BC ,
which nmay be rewritten in the fornm _
A+Sci—-Aq ~ Afilogc +B .. . . . (34‘)

C i .
A plot of the left-hand side of (34) against log C will be

linear for a correctily chosen /.\Oo At low concentrations

it 18 highly sensitive to smell chenges in A;,, and the method
has been shown to be applicable to partly associated
electrolytes5lo

Where association is appreciable this méthod is rather

insensitive to0 changes in/.\oand it is better to obtain it from
mobility data for the corresponding atrong eleétrolyteao It
becomes increasingly difficult to find such comp]e,tély
disseciated salts in solutions of low dielectric constant,
Va.nd Waldens rule’? { Ao']o = consl.) may be used in such
cases, Such calculdtions are however necessarily approximete
since the ruie is vased on the application of Stokes' law to

the motion of an ion through solvent molecules which are in

nost/



most casss of épmpérable Blze, . Where K'and /ﬁo are
calculated simultaneously much more rel iance may be placed
on the former, if the lufter is in agreement with a limifing
conducténce derived by an independent methodo
While'the treatment of symmetrioal electrolytes has 8o
far been discussed exclusively, it should be mentioned that
oonductivity megsurements have been applied successfully to
the treatment of unsymmétrical electrolytes, although there
is the cbvious difficulty of aseigning a conductivity to
the chaiged product of ion association. The normgl practise
is to assume that the limiting conductance is some'fraction
of the conductance of one of the ions involved, Thus Jenkins
and Monk’3 :ssumed %Id = }?‘Loﬁ%" = 232,
whereas Spedding and Jaff-e54 agsumed ?—%91 = %LGSOI: 40-.
Since both treatmenta‘gave very similar dissociation constante
the mobility of the ion palr does not greatly influence the -

caleulated dissociat;on constant,.
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Measurenent of Resistance,

Resistances were mezsured on &n a~¢ screened
Wheatstone bridge of the type described by Jones und Joseph.s5

and by Shedlovsky56

» which incorporated the modifications for
minimising capacitance and inductance effects arising from
various parte of the bridge network, The circuit is showm
in fig. 17.R1 wag the conductivity cell and 32 a Sullivan
non regctive resistance, the total resistance being subdivided
into 107 parts by two concentric dials. The output from
the bridge was amplified before pessing to the Earphones
by a twostage high gein mains operated Sullivan amplifier,
A mains operated oscillator (Advance model H-1), which gave |
frequencies from 15 to 15,000 cyoles per second, was placed
about eight feet from the bridge to prevent interaction, and
measurements were normally teken at a frequeney of 1000 cyciea
per second, this being the optimum frequency. The oscillator
was connected to the bridge by screened and grounded leads via
a8 Sullivan balanced and Bcréened transformer, which waé
designed to screen the supply source from the tridge without
‘upsetting the balance of the Jlatter to earth. A consgiderable
improvéaent in the sharpness of the sound minimum in the
detector was effected by earthing the tridge. A modified

55

Wagner earth, described by Jones and Josep , ensured the

telephone/



Fig17
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telephone earplece being meintained at ground potential,
thus elim inating any leakage of current due to cupacity
between the'cyera?or and the telephone coils, vThe Wagner
earth is represented in the figure by the resistances RS’
-Ré, the contactg;and the variable condenser C , The bridge:
wag balanced in the usual way and the detector was connected
to groaund by switdaszo B was then brought to groand
potential by adjusiment of the contact g o The bridge was
agaln balanced and the process repeated if there was any
change, During the latter pdrt of this work the anplifier
and ear-phones were'replaced.by a tuned amplifier and null
detector (General Radio Company type 1232-A).

Since the cell acts as & condenser it was necessary to
balance out the capacity effects associated with it, This
was done by means of a Sullivan decade stable mica condenser
reading from 0 to 0,01 mF conhected aofosa eifher Rl or Rao
_ Phe cell was connected to the bridge by taking leads from the
electrodes to two merecury wups supported in the thermostat.
This prevented heat interchange between the dell and the room,
The copper leads were of equal length and thickness to
minimise resistance effects. The connections to the cell
and the resistance.box were interchangeable by méans of a

mercury cqmmutétor of the rocking type. WWhen pure solvent

and/
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and solutions of high resﬁatance were being nmeasured, a
10,000 ohm, non-reactive, standard resistance wae connected

in parallel with the cells

Thermogtat and Temperature Control.

The thermostat was & large, earthed and heat insulated
metal tank filled with transformer olil to reduce éapacity
}errar856° Stirring was effected by an electrically operated
multiple paddle stirrer. The temperature of the kath was
controlled by & mercury-toluene spiral regulator; connected
in series with a 60 watt bulb through a vacuum relay. The
temperature was measured by meuns of a Beckmann thermometer
which had been standardised againgt 4 cal ibrated platinum
resistance the:mometerS? and control was accurate to & 0.005%.
The complete conductivity apparatus was kept in a constant
temperature room thermoétatedito 2500, which prevented excesad~

ive condensation in the conductivity cell oapo,
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The Conductivity Cell, -

This was of the Hartiqy-Barretsg type, and was
constructed from Pyrex glass, }The body had o capacity
of about 400 mly and the cap carried the eleotrodes, an
aperture to ullow additions of solutions, and e side arm
fitted with a three way stop cock, which enablaed CO,~free,
golvent saturated air to be passed over the surface of
golutione, The cap and body were joined in the same position
relative to one another for each experiment by aligning marks
on the male and femsle joints.

The electrodes which were lightly coated with platinum
blackﬁ@ere held at a fixed distance from one another by four

anall pyrex'glaes rivets, and were connected to the electroie

supports by.platinum wires, .Since it i not possible to seal
platinum into glass, a little Araldite ©PO¥Y reein was set in ::
' the bottom of each support. This provided a permsnent seal
which prevented leakage of mercury into the cell solutibna
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The Carbon Dioxide Free Air Supply,

For acouraté conductivity measuremsnte it is important
that solvents should be a;a free as possible from conduoting
impurities, In studies in aqueous solvents the most pereistent
impurity is carbon dioxide which forms the wesakly diséooia’tod
carbonic acid onm dissolution in water, This may be prevented
by passing s current of GO2~free aly over the cell solutions
for the duration of the experiment.

Carbon dioxide free sir was produced by filtering the
available compressed alr supply through & jar of cotton wool,
bubbling through 2N Sulphuric acid to remove ammoniaesl vapours,
and passing through a series of towers packed with glass beads
containing 50% potassium hydroxide. The air was then passed
through a water scrubber and a column of pure solvent, vBotoro
entering the cell, the air was bubbled through pure eolvent

in a presaturator supported in the thermostat,
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Purification of solvents,

Distilled water was deionised by puseing it through
a mixed bed reeinsgo The resins used were Amberlite 1R
120 (H) acid resin and Amberlite 1RA 140 basic resin intimate-
ly nixed in a proportion 1:2 by volume, Water of speoifioc
conductivity léaa than 0.15 gemmhos was obtained by this
method.

Dioxsn was purified by the method of Kraus and
Vingee®®,  Commercially obtainable "pure® 1:4 dioxan
(L.Light and Co.Ltd.) was refluxed over metallic sodium for
several days in an all glasse apparatus carrying a silioca
gel guard tube. It was then distllled and refluxed with
fresh sodium, This procedure was repeated unt 11 the sodium
- metal remained bright. Prior to use the pure dioxan, thus ‘
obtained, wue refluxed over sodiuii for severel hours end &is-
© $illed directly into the flask in which the mixed solvent

was to be prepared,
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Filling the Cello

After rinsing the cell seversl times with éonduotivity
water e stream of pure air was passed through for about 15
ninutes and it was then filled directly from the resin column.
The cell and contents were weighed, placed in the thermostat

and connected to the supply of presaturated pure air, It
was zently shaken at frequent intervals and the woter reslst-
ance noted. After becoming constant, no further change in
resi stanee occurred for periods of up to 8 hours,

The above procedure was modified in mixed solvent rune,

Purified dioxan, which had been refluxed over sodium for
several hours was distilled directly into the weighed etook
flask, and after reweighing, a known amount of conductivity
water was added to give the required mixed solvent compoeition,

- Carbon dioxide was then removed by bubbling presaturated pure

air through the mixed solvent for about 1 howr. (Pig.18)

Phe cell was then rinsed several times by blowing over amall
quantities of solvent, and finelly filled quickly, weighed,
and placed in the thermostat. Once again equilibriua was

attained within a short time.



Fig18
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Preperation of Suock Solutions,

A semple of the solid substance in e mmall glaas tube
was weilghed by difference into & clean, steamed oﬁt and
welghed Pyrex flask, A suitable amount of conduetivity
water was added end the flazek and contents re~weighed. In
the preparation of mixed solvent gelutions the.aalt wes
dissolved in water and the appropriate amount of.dioxan was
added. This procedure was adopted because of the extremely
slow rate of dissolution of La Co(CN)6 in water-dioxdn nixe
tures, compared with the rate of diasolution of the salt in

water alons,

Measurement of Conduectivity.

When the solvent in the cell hed reached equilibrium,
a welght of stock solution, never less then l1g., was added
by means of a welight burette through the eperture in the cell
cep. | The cell was then shaken at intervéla and sblution
registance normally became constant within ahvhéﬁro For
two settings of the resistance box, I, the speéific conducti-
vities, calculated from ratio arm neasurenent s, normally
agreed to within 0,01%.

Pour or five additions from the weight burette were
normally made during & run, at the end of which thé eeii wae
removed and weighed. This provided & meame of detecting any

evaporation/



-~ 115—

evaporation which had ocoupied,'and this never amounted to
more than about 0,03%,
In view of the limited s8olubility of the ncodymiunm

- and gadolinium salts the normal dilutvion method provided concentr
ations of less than 316N in the cell. For measurements at higher

concentrations it was therefore necessary to prepere & atock
solution in the cell,efter noting the solvent resistance, by
. weighing the Balt directly into the cell., Additional points
could be obtained by adding pure golvent from a weight burette,

Cell Constent Determination.

BoDoH, 4nalar potassium chloride-was reényetalliaeq
three timeas from conduétivity water, drained aa free as |
poasible from the mother liquor, and dried at 100%. Prior
t0 use in cell conefanx determinations the crystals were heated
to dull redness in a piafinum dish, which was allowed to cool
in a dessicsator,

The cell wasAstandardised by the method af Fraser and
HartleyGlo Several series of resgistance maaaureménts were
" made on potassium chloride solutioné, in'the'conpentration
range subsequently to be useds Conductivitics were correbted,
where necessary for inferionic attraction effeets, The cell
constant wue then found by comparing each measured value wis h

the conductivities derived from he equation®? |
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A = 14992 — 9385 VT +50C
Seven cell constant runs gave & mean value of 0,07360

with a mean deviation of 0,02%.
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Preparation of Rafe Eerth Salts,

Potassiun coﬁalticyanide was prepared by the oxidation;
with pure air, of a solution containing an equivclent mixture
of B,D.H, "Analar" cobaltous chloride and ‘Anslar’ potessium
cyenide. The resulting solution was filtered and carefully

ﬁeutralised with dilute acetic acid. Dioxan was then added
dropwise with constant atirring, until the bulk of the
cobalticysnide had been precipitated. After washing with
.‘watermdioxan mixture and pure acetone, the preoipitﬁte waé'
air dried. The crude product was purified by dissolving in

a smell amount of conductivity water, partially precipitating
-with dioxan and washing and drying as before, This process

was repeated three times and the final product was dried over
phosphorus pentoxide,

Potasgseium ferricyanide was prepared hy recrysatalilsation
of the Analar material threé time® from conductivity water
The rare earth salts were prepared by the method of

James and Willard63o A strong solution of lanthanide
chioride was made by dissolving the appropriate oxide in the
stoichiometric amount of constant boiling hydrochloric acigd,
and to this solution, at 60°C, was, added a solution contein-
'1ﬁgthe calculated amount of potaesium ferricyahi@e'or o

cobalticyanide, = The salts were precipitated almost immediate-
ly/



—1i8—

1y snd since they were of limited solubility,vthey were

not recrystallised but were washed extengively with
conductivity water, - Onvdrying over phcsphorus pentoxide,
constant weight was attained in about two weeks, Anelysis
for the rare earth was madéﬁhnd in edach case corresponded to
a selt composition of L3* X 37 4 H,0 (Table XVIII), This
is in agreement with the findings of James64 who preparad
lanthanum ferricyanide and cobalticyanide in the form cof the
pentahydrate by drying over the partially dehydrated salt.
James observed that on drying over concentrated sulphuric
acid, there was & 1¢88 in weight which corregpcnded to the
loss of one water mclecule from the pentahydrate, It is of
interest to notve that the salts prepared by Atkinson36

were dried over concentrated sulphuric acid, but were reported

as having a generdal farmula R Co (CN)SSHeoo

a YUI

Analysis of RareEarth Salts.

O/o Rare Earth.

Salt _ Cblc.(RXA-Hza Found
La Co{CN), 32:61 32:45
Lafe(CN), | 3136 3130
NdFelcN) | 3349 3376
Gd Fe(cN) | 3538 35-45
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Lanthanum cobalticyanide,

The conductivity of diiute lanthanum cobuliticyanide
solutions in water and in 10% and 204 (W/W) dioxen-water mix-
tures has been mezsured at 25% 0,005%, The phoreogrems
shown in figs.19 and 20 were constructed from the dats .o,f
Tables XIX,. XX and Xx{1. For purposes of compur;eon £ig.19
includes a few of the data of Jemes and Monk65 for lanthanum
cobalticyanide in water. The date of Atkinson3® for the
salt in 10% and 20% dicxan-water mixtures are shown in f£ig.20,
Calculation of K and Ao s 8hown in these tables, was done by
the method of Puoss3?, for which a suitable computer programme
was constructed, From A and C data, and en approximate
sturting value for /_lo; the value of Ao was computed for
which & plot of equation (31) showed linecarity and had a
zZero intercepAt on %the f\fé azxis, Using this value of Ao’
a K value was calculated for each conductivity meusurement,.

The limiting forms cf the Onsager, and Debye~Hickel
equations are written

A= A — (B tB)CE
and
lozg f P - - Ac%, respeciively, and when recent

values of physiczl conaﬁantsss; and viscosity and dielectric
constant Gata for water-dioxan mi::‘:wrea67 are incorporated,
the/
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“the numerical wvalues of 043[5 ad A at 25°, shown in
~table XXIXI, are obitained,

~Rere earih ferricyanides.

The conductivity of dilute aqueous solutions of
lanthanun, necdymium and gadolinium fervicyande ha#beenn\eawred at
25% 0,005°c. The phoreograms shown in fig. 2l were
consiructed from the data of tables XXILL, XXiVand XXV.

Use of the computer programme geve the K eand /.\o values

.. shown,
Table XX|}
% Dioxan ol 3 A
0 35729 [314-817 | 19453
10 42116 275939 | 93656
20 5-1056 245-213 11-3536
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Table XIX |
The conductivity of lanthanum cobalticyenide in water at 25%
Coi0t |4 4102 A Kxi0® | AK0]
1.9455 1.3948 130,530 1,796 0,030
2, 8164 1.6782 123,718 1.829 0,003
3. 7218 1.9292 118.189 1.844 0.018
0.8561 0,9253 144,308 1.850 0,024
1.4320 1.1967 136.545 1.860 0,034
0,8724 0,9340 143,847 - 1.819 0,007
1.8902 1.3749 130,906 1,778 0,048
3.5391 1.8813 118,826 1,809 0,017
5, 3768 2.3188 110. 254 1.831 0,005
2.4520 - 1.5659 126.618 1.845 0,019
1.7202 1.3116 133.321 1.855 0,029
1.6123 - 1.2698 133.823 1,784 0,042
0,5882 0, 76691 148,861 1,817 0,009
0.9788 10,9894 142.186 1,817 0,009
1.7226 1.3125 133.118 1.835 0,009
2.4861 1.5768 126.439 1.854 0,028

A, = 166,98, Mean K = 1,826t 0,021 x 10™4



Table XX

The conductivity of lanthanum cobalticyanide in 10¢%

dioxan-water at 25°%.

C.t0* VExi0- A Kxlo® AKx0
0.7045 0.8393 107,861 7,822 0.400
1.0112 1,0056 102,734 8.058 0,164
0.3273 0.5721 117:967 8.114 0.108
1.6231 1. 2740 95,459 8. 389 0.167
2. 3145 1.5214 89,251 8.436 0.214
0.2818 0,5308 120.636 9. 345 1.123
0.6448 0,8030 109. 789 8.202 0.020
0.9731 0.9895 103. 304 8.084 0.138
1.4731 1.2137 96.687 8.180 0,042
2,5262 1.5893 87.120 8. 207 0.015
1,5175 1.2318 95, 927 8.070 0.152
2,9211 1.7091 84.327 8,150 0.072
4.0906 2,0225 78,380 8.223 0,001
5, 2119 2, 2829 T4.005 8. 209 0,013
0.49010 0, 7001 112,963 7. 886 0.336
1,0251 1,0124 102,592 8.096 0,126
1.5780 1.2561 95,572 8.216 0.006
2.1271 1.4584 96,462 8. 302 0.080

A, = 133.98, Mean K = 8.222% 0,12 x 1077
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Table XXI1,

The conductivity of lanthanum cobelticyanide in 20%

dloxan~-water,

c.10* VT, 10% A K.10°  |jofAK
2.1811 1.4769 54,188 2,470 0,054 |
2.6680 1.6334 51,231 2,484 0,040
3.5814 1.8925 47,141 20510 0,014
0,4237 0.6509 80. 259 2,426 0,098
0. 8630 0. 9290 68,978 2,446 0.078
1. 3567 1.1647 61707 2,467 0.057
0.1491 0. 3861 94, 281 2,443 0,081
0, 7088 0.8419 72,410 2,474 0,050
1.3657 1.,1686 61,862 2, 502 0,022
2, 0098 1.4177 55, 863 2. 526 0,002
2.561.3 1,6004 52, 321 2, 551 0,027
408484 2, 2020 43,445 2,573 0,049
0.6485 0,8053 74,732 2,603 0.079
1.0314 1,0156 67.058 2. 587 0,063

1154513 1.2047 61.430 2.579 0,055
2,8630. 1.6921 50,234 2. 491 0.033
3.5209 1.8764 47. 345 2,505 0.019
0.6791 0,8241 73. 866 2. 585 0,061
1.4522 1,2051 61. 361 2,571 0,047
2.0437 1.4296 55,957 2,575 0,051
0. 8001 0.8945 T1. 253 2,593 0.069
1,5947 1.2628 60. 230 2.624 0.100
2, 3002 1.5167 530 362 2.469 0,055
2, 9090 1.7056 50, 251 2.526 0.002

Ag = 111,06, Mean K = 2.524% 0.05 x 10”9
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Fi'elo

The conductivity of Lanthanum Cobalticyanide
in Water at 25 ¥ 0.005°%




o-present work
\ o-data of James &
‘ Monk

\
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Figure 20,

The conductivity of Lanthanum Cobalticyanide
in mixed solvents at 25% 0,005%

A - 10% dioxan-water (W/W)_

B - 20% dioxsn-water (W/W),

pYe - Atkinsods data®’

P v o g




Onsager
Slope
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Table_XX;II

The conductivity of lenthanum feryicyaenide in water at 2500

¢.10% 102 A k.10 | Ax.20%
0.9794 0.9896 | 144,328 1,8049 | 0,0106
2.2629 1.5043 130,074 1.8320 | 0,0165
3.3378 1.8269 122,200 1.8294 0.0139
4,4313 2,1051 116. 327 1.8401 | 0.0356
60 2455 2,4991 108,451 1.8051 | 0.0104
504459 20 3337 111,265 1.7925 0,0230
5. 2560 2.2925% 112, 268 1.,8098 | 0,0057
1.2034 1,0970 141,175 1.8114 | 0.0041
1,7241 1,3131 135,216 1.8354 | 0,0199
2. 3509 1.5333 | 129,577 1.8558 | 0.0403
0,8094 0,8997 146,991 1.7825 | 0.,0330
2, 0501 1.4318 131,810 1.8160 | 0.0005
2,9914 1.7295 124.338 1.8181 0,0026
. 2,154% 1.4678 | 130,434 1.7736 | 0.0419
14,1950 2,0482 | 117.329 1.8261 | 0,0106

/\ = 169.57 , Mean K = 1,8155% 0,007 x 1074
o )
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0,5698

1.7720

Table XXIV
The conductivity of neodymium ferricyanide in water at 25°C
Co* | ®. 0 A KatOt | akxio
0.8975 09474 145,406 17943 0., 0471
1.4375 1,1991 138,210 1,8261 0.0153
1,8650 1. 3656 133,814 1.8516 0,0102
2.6755 1.6357 127,141 1.8781 0.0367
'1.2067 1,0985 141,318 1.8503 0,0189
1.7366 1.3178 135,046 1,8441 0,0027
1.5465. 1.2436 136,320 1.758% 0.0829
2,1607 1.4699 130,464 1,797 0.0467
3.1219 1,7669 123,331 1.8169 0.2245
4,2825 2,0694 116,976 1.8421 0.0007
0.6774 0.8230 149, 369 1.8198 0.0216
1,2900 1.1358 139,977 1,8190 0,0224
2.4728 1.5725 128,287 1..8385 0,0029 |
3.4893 1.8680 121,515 1..8600 0,0186
0,6459 0,2542 165,560 2,0960 0,2546
0, 3247 158,690 0,0694

/\_= 169,42, Mean K = 1.8414 £ 0,042 x 1074
0
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Table XXV
The Conductivity of Gadolinium Ferricyenide in water at 25°C
Cio* | W.1*| A Kxto* | AR xio"
4,1588 2.0393 115,082 1.817 0.006
403314 2,0812 | 114.276 1.821 0,010
002924 0. 5408 154, 994 1.831 0,020
0. 5507 0.74207 | 148,801 1.775 0.036
0. 3458 0.58801 | 153,656 1,836 0,025
0, 5880 0.7668 | 148,319 1,825 0,014
1.381% 1.1754 136.080 1,800 0.011
2,6234 1.6197 124. 370 1.805 0.006
2. 3972 1.5483 125,990 1.792 0,019

Ag= 166,33, Mean K

= 1,811 0,016 x 1074
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The conductivity of rare earth ferricyanides

in water at 25% 0,005

X - Lanthanum Ferricyanide.

Y -~ Neodymium Ferricyanide (righthand A axis)

2 = Gadolinium Ferricyanide,
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DISCUSSION
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The relationship between the dissociation constant of
an electrolyte and the dielectric constant of a solvent ia

expressed by the equations 3t

¥t - 4w %lzlz219233 QD) cocoososos(35)
b= 52 e?

4a.\§i-T 0090000000000000000000000090(36)

where K is the dissociation constent, D the dielectrioc
constant, “d the meen distance of elosest approach of the
ions of charge Zl and Zé, and
o) = fo &y ay

For 3-3.electrolytes, writing eguations (35) and {36) in
logarithmic foxm,

~10gK = 8,9906 ~310g D + 108 Q(D) cecoceosocoos(3T)

~logbh = 4.2973 +log D o+ 10878" cevcconcoosce(38)

Hence when the measured dissocciation constant and the

appropriate values of D are substituted in (37), log Q(b)
| may be calculated and b interpolated from tabulated b vs
log Q{b) datasao ”a?\
tugion in (38)

mey then be obtained by substi-




Table ZIXVI

% Dioxau: Z&o Koloé Dgaggﬁ@on 25;
166,95 (1) | 1.826 tia 7o 31

0 167.20 (2) 1.799 0.9 7. 28
166.51 (3) | 1.797 141 7.28

Lo {;133,98 (1) | 0.8222 + 1.5 7.27
134,50 (3) 0.6143 ¥ 5.6 6.85

20 0. 2524 t 2.0 7.15

111.06 (1)

(1) Present Vork, .

(2) James and Moakd?

(3)" Atkinson,3°
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Lanthanum Cobalticyenide.

Table XXV1I shows the’d values obtained in the present
work and.also‘fhose computed frbm the data of JaMe565 and
-of Atkinson36° As was t0 he expected from the phoreograms,
the constants.derived for the salt in water were in good
‘agreement, although the mean deviation in K was somewhat
larger for Atkinson's data,

When the constants calculated for different solvents
.are examined it may be seen that while in the present
work there is a change of only 0.15A in the ‘3 value, there
is a difference of 0.42A4 in ‘3" between Atkinsons water
and 10% dioxan results, and +the mean deviation in his
dissociztion constant for the latter solvent is once again
very large.

Atkinson's results at 20% dioxan were recalculated by
Monk37 who showed that for the reported A, (=116.6), K
decreased steadily as the concentration increased, and it
was suggested that the use of a higher A, value might give
a vetter fit. Accordingly these data were recalculated

in ‘the present work using an impossibly large range of
starting A, values, 111 te 141, It was impossible to obtain
consistent results and this provides evidence that the

apparent deviations from the Bjerrum theory reported by

Atkinson/
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Atkinson must have been due to a fault on an experimental
nature.
The results of the present work would therefore suggest
that lanthanum cobalticyanide exhibits no substantial
deviation from the Bjerrum model of ion association in
the range of solvent dielectric constants studied, which
is in accord with James' results for laathanum ferricya.nide34°

The Rare Earth Ferricyanides,
6

Atkinson3 measured the donductences of several rare
ecrth cobaliticyenides and found that while thelx,values
agreed with those evaluated from independent ion mobilities,
the dissociation constants differed considerably within the
geries for a given solvent, For example the dissociation
constant for lanthanum cobalticyanide in water was approx-
imately twice that for ne odymium cobalticyanide, while the
difference in /30 for these salts was only O.1l3 units,

The close similerity in the limiting mobilities of lanthanum
and neodymium ions suggests that the radii of the solvated
ions must be very neurly the same and one would expect

that the distance of closest approach and hence the
dissocietion constants for thei:r salte in water would be

very ®imilar irf association is due solely to electrostatic

forces, Although Monk37 pocinted out that the actusl

values/
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values of dissociation constants giveh by Atkinseon are.in
error by a factor of three, due to the omission of z in
the Shedlovsky equation {33), the relative values of
dissociation constants remain unaltered, This would
suggest that gince association was more marked in neodymium
cobalticyanide solutions, forces other than simple electye-
gtatic were involved,

This was not to be expected from previous woﬁfﬁan which
the dissociation‘constants of a number of lanthanide
sulphates were measured in water and were found to be very
similar, It seemed likely therefore, that Atkinson's experi-
'mental measurements were once again suspect, Accordingly
conduc tance measurements for & series of lenthaenide salts
have been made.

Neodymium cobalticyanide was prepared, but it was found
that its solubility (epproximetely 10“5m) was much too low

for accurate conductivity measurements to hemade, Surprisingly,

Atkinson reports conductivities for cell solution conoentfations
of 3 x 10‘3M° Since the rare sarth ferricyenides are more
soluble than the cobalticyanides, those of lanthanum,
neodymium and gadolinium were used,

The A values,169.56, 169,42, and 166.33 for lenthanum,
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neodymium and gadolinium ferricyanides respectively are
prohably setisfactory. There iz & conaiderable variation
in values reported for the limiting conductence of the

individual ions. Thus Hartley and l)onal(]tfao::z69

for
Fe(CN)g’” give Ao= 100.9 and James and Monk65;, 99010 For
La3* the Novalues vary from 69,5 to 69.7, for Nd3+, 69,3 to
69,43 and for Gd ;”'*,8,0:67 03 L 10-13 pop exsmple lanthanum
ferricyanide could be considered to have Ay, = 168,55 or
170.60,

The important result of the present work is that the
digsociation conatants for lanthanum, neodymium and
gadolinium ferricyanides in water at 25%, 1.81 x 10"4,
1.84 x 10™% and 1.81 x 1074 respectively, are the same
within experimental error, which confims the prediction,
that one would not expect to £ind large differences in the

dissociation conétants for a series of rare earth salts

in the same sblvénto
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SUMMALY .

Part T

The increased rate of hydrolysis of histidine methyl
ezter in the presence of copper (II) and nickel (II) ions
has been investigatcd., Potentiometric studies have indicated
that. in the pH range in which ester hydrolysis proceeds,
several ester-metal ion chelates may exist, depending on the
relative concentrations of ester and metal ion, Formation

24 24 2+

5 s Cut®”, Cuk”, NiES" and

NiEz*, have been measured, where E represents the ester,

constants for the chelates CulkE

Kinetic studies have shown that in all cases hydrolysis
proceéds via a simple bimolecular reaction between hydroxyl
ion and ester, the latter being either free in solution or
bound to metal ion, In the case of the 2:1 chelates the reac-

tion involves two consecutive competitive reactions

2+
2

MEAY 4 OH™ —-— MA

MES™ & QH™ —— MEAY

o s
where A~ represents
the anion of histidine, the hydrolysis product,

A comparison of the second oxrder rate constants for the
alkaline hydrolysis of the ester in tne ubsénce and presence of
metal ions, has shown that metal ion catalysis is due to
chelate formation which increases the reactivity of tne ester

towards hydroxyl iong. The overall catalytic effect may arisge



in three ways: ‘

1. Intrqduction of positive charge into the ester»moleeﬁlﬁ

2., A statistical effect,

3. An electron withdrawal effect,
The introduction of positive charge into the vicinity of the
ester molecule increases the chance of effective collisons, A
statistical effect is introduced by the fact that more than
one ester molecule may complex with the positively charged
matal ion, In view of the consistent relative difference in
the rateé of hydrolysis of similarly ocharged copper and nickel
chelates, an electron withdrawal, or inductive, effect wvhich
depends on the degree of interaction between metal iop and
ester is also considered to contribute towards catalysis,
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‘Part II

The conductivity of lanthanum cobalticyanide in water
and in 104 and 20% {W/W) dioxan water mixtures has béen measureq.
Negative deviations fron the conductivities predicted by the
‘Onsager equation have been attributed to ion pair formation
and dissociatibh constarits have been evaluated, Calculation of
g the distance of closest approach of ions has shown that
‘the Bjerrum theory of ion association adequately desoribes
- the behmviour of this salt in the range of dieleciric constants

studied, which is in accord with previous results for lanthanun

ferricyanide,
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The ferrieyanides of lanthanum, neodymium and gadolinium,
have been prepared and conductivity measurements have been
used to evaluate dissociation constants for these salts in
water® The close similarity in the dissociation constants
confirm the prediction that one would not expect to find

large differences for a series of rare earth salts in the same

solvent.



