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ABSTRACT

This work describes the accurate measurement of the
thermodynamic functions AG° and AH® for the step~-wise
coordination equilibria between each of the ions H+,
Ni®*, cu®*, and a series of C,-substituted 1,2-diamino-

ethanes in aqueous solution. The study involved

(a) the construction of a sensitive constant temperature
environment calorimeter for measuring the enthalpy
changes in the complex-formation reactions,

(b) the rigorous calibration of an electrode system,
incorporating a glass electrode, for the direct
potentiometric measurement of equilibrium hydrogen
ion concentrations in the solutions containing

complex ions.

The thermodynamic functions AG° and AH® 1led to accurate
A s® values for the step-wise complex-formation reactions.
The thesis considers the contribution of the entropy
of ligation to the stability of complex ions. The molar
entropies of the complex ions have been calculated and
their values considered with respect to the coordination
number and the possible structure, degree of hydration and

steric properties of the ions.




en
pn
eten

i-bn

phenen

dien

trien

tren

tetrameen

m-stien

bn

1,3-pn
(2,2'")1,3-pn

2,2'-dipyr
1,10-phen

edta

ii

List of Abbreviations

ethylenediamine NH20H20H2NH2

1-methyl 1,2-diaminoethane CH3CH(NH2)CH2NH

2

CHEQHZCH(NHZ)CHZNHZ

iso-butylenediamine, (1-dimethyl 1,2-diamino-

ethane) (CHB)ZC(NHQ)CHZNHz
1-phenyl 1,2-diaminoethane C6H5.CH(NH2)CH2NH2

1-ethyl 1,2-diaminoethane

diethylenetriamine, (2,2'-diaminodiethylamine)
NH(CH20H2NH2)2
triethylenetetramine, (NN'-di-(2-aminoethyl)

1,2-diaminoethane) (NH20H20H2NHCH2-)2

2,2',2"-triaminotriethylamine N(CH,CH,NH,)x

1,2-tetramethyl 1,2-diaminoethane
((CH3)ZC(NH2)")2
meso-stilbenediamine, (meso-1,2-diphenyl

1,2-diaminoethane) C6H5.CH(NH2)CH(NH2).C6H

symm-butylenediamine, (1,2-dimethyl 1,2-

5

diaminoethane) NHZCH(CH3)CH(CH3)NH2
1,3-diaminopropane NHQCHchchéNH2
2,2'-dimethyl 1, 3-diaminopropane
NH20H20(CH3)20H2NH2

2,2'-dipyridyl

1,10-phenanthroline

ethylenediamine NNN'N'
(—CHéN(CH2COOH)2)2

tetraacetic acid



CHAPTER ONE

INTRODUCTION

While reading Rossotti's article "Thermodynamics of

3 the author was

Metal Ion Complex Formation in Solution",
impressed by the lack of accurate thermodynamic data

(06°, AH®, As®) for the formation of complex ions in
solution. Rossotti wrote "Interpretative speculation has
outstripped the precision and quantity of data available,
and considerable consolidation is required."

Accurate data is essential for the testing of present
theories and the postulation of new and more valid ones
concerning the energetics of complex formation. Such
important theories as 'Crystal Field' and 'Molecular
Orbital' theories as applied to complexes are concerned with
small energy differences, and thus require accurate data for
their vindication. The entropy changes in like complexing
reactions (with similar ions and similar ligands) were once
assumed small and equal, but with the accumulation of more
accurate data the entropy change is now known to give an
indication of the structure, coordination number, degree of
hydration and steric properties of complex ions and
molecules.

Since the introduction of new experimental techniques
by Bjerrum in 1941, an increasing flood of thermodynamic

data for complexes has been published. However, most of it

VICTORIA UNIVERSITY OF
WELLINGTON LIBRARY,



has been too inaccurate to be of theoretical significance.
This inaccuracy has not been due to a lack of suitable
reliable apparatus. It probably stems from the requirements
of time and patience necessary to obtain accurate results.
Ethylenediamine (NH,.CH,.CH,.NH,) is an important
chelating agent and a simple analogue of many more complex
ligands. Other workers have determined the thermodynamic
properties for some complexes of the N—alky1,56’57
NN'-dialkyl,>*°° and C,C,-dialkyl and diaryl’ethylenedi-
amines., For this thesis a thermodynamic study was made of
the complex formation reactions between a series of C1—a1ky1
ethylenediamines NHZCH(R)CHZNH2, and the divalent Ni and Cu
ions in aqueous solution. The group R was varied to permit
a study of the effects of the inductive phenomenon in a
ligand and of the bulk of a ligand upon the thermodynamic
properties for transition metal coordination compounds in
aqueous solution. Because of the lack of fore-knowledge of
these effects, it was not possible to a priori predict those

amines which could have given the most valuable information.

CHz—
3 CHz—
as in NH2C(CH3)20H2'NH2‘ In particular, the accurate

The ligands used had R = CH,-, CH..CH

27 C6H5— and
measurement of entropy changes was sought. The neutral-

isation reactions between the bases and HClOLL were also

studied.
The availability of Infrared spectrometers capable of

scanning below LLOOcm-1 has permitted a study of some metal-




ligand vibration frequencies. A correlation was sought
between these frequencies for Ni(II) and Cu(II) diamine
complexes and the experimentally determined enthalpies of

complex formation.



CHAPTER TWO

THE STATE FUNCTIONS AG, AH AND AS FOR

AQUEOUS COMPLEX ION FORMATION

2-1 The Free Energy Change, AG:

For a complex-formation reaction between a metal ion

MZ* and a ligand L in aqueous solution,

[M(HZO)X]Z+(aq) + nL(aq) = [mn]z+(aq) + XH0, ceeees 2-1

the free energy change AG is given by

G[MLH]Z+(aq) + XGH20 - G[M(Hzo)x]z+(aQ) v nGL(aq)

where, for example,
oG

_ L(aq)
%L(aq) =< . )
R, T,P,n
[ML

7 e 0) 1%

is the partial molar free energy of the hydrated ligand and

np is the number of moles of ligand in a given solution.
Partial molar quantities for a given state (X) are

always defined relative to the same guantity for a reference

or standard state (Xo). The partial molar free energy Gi

of a solute i and its standard free energy Gg are related by

- O
Gi=Gi+RT1nai L I R I B S 2-'2

where ay is the activity of the solute species in the given

state. For a solute (or solvent) the standard state is




chosen as that state for which the activity is unity, i.e.,
lnai = 0. The activity is related to the molar
concentration by the activity coefficient f, a; = cifi'

At or near infinite dilution a solution approaches ideality
and f = 1. For an infinitely dilute solution a; = ¢y and
for a solute the standard state is conveniently defined as a
hypothetical solution of unit molar concentration possessing
the properties of a very dilute solution.

For a solvent, the standard state is chosen as that
state for which the solvent activity is unity. If the
solvent activity is expressed on the mole fraction scale,

i, = msfs, then the standard state corresponds to that of
pure solvent when the mole fraction mg = 1 and the fugacity
fs = 1., This state is approached as the concentration of
solute becomes infinitely small.

The standard molar gquantities x° for any solute or
solvent are a function of temperature and pressure only;
they are independent of solute composition.

When the reactants and products in a reaction are in

their standard states the free energy change AG° is given

by
369 = { Gg(products) - gGg(reactants)
2 A0
= ka ® % 20 09 O 0PSO OO PPN 000 0PSB PO SO BODS 2-3

where i represents a summation over all reactants and

products, using appropriate signs. For the ligation




reaction 2-1,

Ag° = g° o _ .0 - P
G[MLn]Z+(aq) * %m0 = ™1(aq) [M(1,0)_J**(aq)

2-1.1 The relationship between AG® and
the formation constant

If ay, [k] and f, are the activity, the molar
concentration and the hypothetical ionic activity coefficient
of the species k, n, is the number of moles of k represented
in the equilibrium expression 2-1, and Kc and Ka are the
concentration and thermodynamic equilibrium (formation)
constants for the reaction 2-1 then the following

relationships hold:

G. =G° 4 RT1na, =a°

« X K x * RTln[k]fk

AG

AG0+RT %{nklnak ® 9 08 8 0 % 0 00 OB PO OO DB L O PE e e e s o 2_L|'
ia ni gé )
+{(ay 03
= Ag® + RT1n Alis &

ga[M(HQOgXJZ*;faLgn

- AGO+RT1nKa ® 0 08 500009 00O SO0 S SO S OO0 SN TO OSSOSO 2—5

£ (f A )F
. [Man+][H20]x [MLn]Z+ H20
AGY + RT1n — - RT1n
[ M(H,0)ZHL]

£ R
M(r0) F+ T

o 5 -
AG +RT1rﬂ(c+RT knklnfk @ * 9O 9 0O PP O OO e 08 e 26

When the reactants and products are in a state of chemical

equilibrium, under given conditions of T, P, and Ny, the



total free energy of the reactants in solution equals the
total free energy of the products in solution.

i.e., AG = i G, =0

Therefore, from equation 2-6,

0

1}

= 2 -
AG RTlr]Kc+RT knklnfk ® 2 8 5 & 0 2 5 9 00 @ e 0 s s 27

ioeo, = AGO

RTana ® 8 5 5 9 20 02 8T B O RS EEE e TeEe e 2-8

As the state of infinite dilution is approached all f

k
tend to unity,
therefore, - AG° = Lt [RT1nK ]
(e~ o)
= Lt [RTanc] 2-9
(I-o0)

where I is the total ionic strength in the reaction mixture,

3 b
k Sx%k

I=-1§

Therefore the standard free energy change for a
reversible chemical reaction can be obtained by measuring
the thermodynamic formation constant Ka, or by measuring Kc
at a series of finite ionic strengths and obtaining the

value of Kc at infinite dilution by extrapolation of this

experimental data to zero ionic strength.

2-2 The Enthalpy Change AH

Enthalpy is a state function. For a complex
formation reaction in aqueous solution (eguation 2-1) the

enthalpy change is given by



AH = ? niﬁ (products) - ? njﬁj (reactants)
= Enkﬁk ® & 0 0 2 0 5 0 0 P OO P OO P OO LTSS e Y N 2-10
=ﬁ s Xﬁ - nH -H
Z+ H,O L Z+
(e, ] 2 (M(H,0), ]

_ BHL
where for example, HL = (————)
anL T,P,n , I
Z+ Z+
is the partial molar enthalpy or heat content of the agueous
ligand.

2-2.1 The relationship between AH and AG:

The partial molar enthalpy H fa substance is related
to the partial molar free energy G and the partial molar
entropy S by

H=G+TS (where T is in %A) tivevvvnrennnnns 2-11
and for a reaction,

AH = B0 + TEE swweriersssnencvirrbivaiisshins B=18
When the reactants and products are in their standard states,

A = AB° & TEEY csrarcassmcariainnesaninnnnn B=T3
A convenient standard state for the enthalpy is that of a
hypothetical solution of unit molar concentration possessing
the properties of a very dilute solution, i.e., all fk = 1.
This standard state is one in which the mutual interactions
between all solute molecules or ions are considered

negligible.




2-2,2 The relationship between AH and AH®:

From equation 2-6,

_ 0 2
AG = AG” + RTanc + RT X nklnfk

But (34G/0T)p n, = - AS (see equation 2-21)
b

91nK
Therefore, AS = 4s° - RInk_ - RT(—————Q)
¢ aT /P,n

k

a( 2 n 1nf. )
-® 2 nInf,_ - RT k _k_k
P,nk

oT
Multiplying through by T and substituting in equation 2-7,

31nkK
TAS =TAS® - AG + AGO-RT2<——-°—

oT )P,nk
o( 2n, 1nf, )
_RTz( kK k k)
oT P,n

k
and therefore,

3
) 2(8 1an) 2( a( 2 nklnfk))
AR = AH™ - RT"\ ap /p,n —RT aT P,n, ...2-1L
K s Dy
3
a0 RT2< o (g nklnfk>) s
- aT P’n ® 9 0 0 0 8 0 O P OB PR N e e

k

91nkK
The term (—————é) is zero when concentrations are
oT P,nk

expressed on the molal scale, because all n, are specified
as being constant, i.e., the degree of dissociation is
invariant. To a first approximation this differential will
be zero when concentrations are expressed on the molar scale

also.
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When the hypothetical ionic activity coefficients fk
are expressed by the Debye-Hiickel equation,
2:%
AzkI 1
1+ 1%

—logfk =
it has been found that

3 logf ~
('——'—1-() = 2x10310gfk e v e oeoeess0s0 0000 2-16
oT P,nk

Therefore, from equations 2-15 and 2-16,

_ o _ -3ome 3
AH = AH 2x10™RT 2 n lnf,

(8t 25%C) teieirennnnennees 2-17

5H® - 352 ¥ n dnf
The last term in this equation is very small compared with
AH (see chapter six).

For many reactions AH can be determined directly by
calorimetry. AH:-qp where qp is the heat liberated by the

reaction at constant pressure. AH is then corrected to the

standard state by using equation 2-17.

2-2.3 The relationship between AH® and AG°:

From equations 2-8 and 2-21,

(M_Gﬁ'.) =_Aso__(w)
aT /P,n oT /P,n,

aana
~ Rana - RT ——————)
P,n

k

oT
therefore,

3 1nK
TAS° = RTInK_ + RTz(———

)
oT P,nk
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x [ - P 9 1nK
AHO‘:RTZ(—_—a) ® 9 2 9 20 B S O 0 S e e e e e 2_18
oT P,nk
Ag°
pHC _ (_°1nK, iy
and 2 = = - T~ R EEEEE) 2—19
RT 8T J/P,n aT P,n

k k

Therefore AH® can also be obtained from the temperature
coefficient of the log of the thermodynamic equilibrium
constant,

2

Lo ®a o AH® = RT® x the slope of the graph 1nKa vs. T.

2-3 The Entropy Change AS

For any atom, ion or molecule the entropy is a
function of its modes and freedom of motion, internal and
external. TFor a complex formation reaction in agueous
solution (equation 2-1) the entropy change is given by

_ 2.5 _ 3.F ~
AS = % niSi(products) 3 anj(reactants).. 2-20

S + xS nS., - S
Z+ H,O L Z+
[mr, ] 2 [M(H2O)x]
where for example,
§L _ ( asl')
anL T,P;n s N
Z+ Z+
[z ] [M(Hzo)x]

is the partial molar entropy of the ligand L in aqueous
solution. The entropy change for a reaction is related to
the enthalpy and free energy changes by equations 2-12,

2-13, and 2-21, The standard state is defined as for the
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enthalpy and free energy.

2-%.1 The relationship between AS and AG:

From equation 2-11, for an infinitesimal change of
state,

aG dH - TdS - Sd4T

= -dq - TdS - SAT at constant pressure.

For an infinitesimal reversible reaction,

as = - 44
T

therefore dG = -S4dT and <—-a—-G-) = -5 for a reversible
oT
P

process.,
Similarly for an equilibrium reaction involving

several species,

(_69_9‘_’) P
oT P

Therefore the entropy change for an equilibrium reaction can
be obtained from the temperature coefficient of the free

energy change.
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CHAPTER THREE

LITERATURE SURVEY

3-1 Historical

The study of metal-ammine complex formation in agueous
solution by Jannick B,jerrum1 (1941) was the first major
contribution to research in the field of coordination
thermodynamics., His work indicated the co-existence of

: Z+ Z+
coordination complexes [M(HZO)x] , [M(H2O)x-yL] > % & 4

[MLn z+] in step-wise equilibria in solution, (L = ligand):

Z+ . Z+
[M(HQ) J*" + L = [M(HL), TI*" + yH,0

1

[M(Hzo)x_yL]z+ + L [M(E0),_,. L 12* 4+ yH.0

x=-2y 2 2

1"+ 1 = [mp J** + YHO veveee  3-1

[M(H,0) 2

yLn—1
For each equilibrium step there is an equilibrium constant

defined. For example,

KCII = [M(Hzo)x_zng“] /[M(Hzo)x_yLz+][L] cissnvses 3=2

where the concentrations are those applying at equilibrium.
The total concentration of metal ion (TM) and the
total concentration of ligand (TL) in solution, are

accounted for by

Ty = [M(HL0)Z'] + [M(Hzo)x_yLz*] + oo o+ [M2*], and
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T, o= [L] + [M(HLQ), LZ+] + 2[M(HLO) - Yo

+ . . . + n[MLZ+]

+ [HLY] + [H2L2+] + 4 o & spases I=3

where HL' and H2L2+ may be protonated forms of the ligand
if it is a weak base, in which case the following relation-

ships must also be considered:

HY + 1 = #t K
¢4

[HL*] /[E7] (L]

+ + 2+
HL® + H = H2L Kc

, = [HL%") /(L™ (7]

etc.

and Ty = (Y] + [HL] + 2[H2L] * o & & esssiscssynasan Pl

= the total concentration of acid present.
Basically the experimental methods which Bjerrum used are
those still used for similar determinations., His theoretical
treatment of such systems (4-1.1 and L4-1.2) is applicable to
all rapidly reversible eguilibria in solution. Much work has
been done in this field and many results published for
systems involving both organic and inorganic ligands with
transition metal and 'inert-gas type' cations. A Chemical
Society Special Publication by G. Schwarzenbach et a1? gives

a comprehensive tabulation of results published up to 1955. *

* The publication of a coverage up to 1960 has been
announced. (Special Publication No. 17)




Bjerrum's stability constant measurements have led to
the subsequent measurement of enthalpy and entropy changes
for association and coordination reactions in aqueous
solution. However, the usefulness of many of these results
is limited., Often it is not possible to compare the results
of two workers because of the variety of physical conditions

employed.

3=-2 The Determination of the Free Energy Change AG

AG is obtained from the measurement of the thermo-
dynamic equilibrium constant Ka (equation 2-5) or the

concentration equilibrium constant K, (equation 2-9).

3-2.1 Potentiometric methods

Most of the common ligands are weak
bases, and the equilibrium (formation) constants for metal
ion ligation are determined by measuring the equilibrium
hydrogen ion concentration and applying the equations 3-2,
3-3, and 3-L4., Most measurements in aqueous solution have
been made potentiometrically using the glass electrode-
calomel electrode system with a pH meter., Often a titration
method has been used,

The use of the hydrogen electrode has not been wide-
spread due to its susceptibility to 'poisoning' and the

6

need for frequent regeneration of the Pt-black surface.5’

It has been used in the study of metal succinates,150
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7,8 15a

malonates, and oxalates

in agueous solution. Using

the cell Pt,H, / NaC{ // B Nagl / H,
HC1 HCl

(B=amine) with half cells I and II of eguivalent ionic
strength to cancel out activity coefficient terms, Pinsent
and Everett9 were able to measure hydrogen ion concen-
trations directly rather than hydrogen ion activities.
Since the total ionic strength in each half-cell was equal,
they assumed that fHCl in each half-cell was also equal,

and therefore,

H H
E _RT ., _—II L II]( HCLLII)) _RT . [ II]

Knowing [H;] and using the relationships 3-4 and

T = (B] + [mH*] + [BHE+] = the total concentration of
base in solution,

they obtained accurate concentration equilibrium constants

K,, K, for the systems HC1l/1,6-diaminohexane and

HC1/1,2-diaminoethane at several ionic strengths.

For systems where a halide or other inorganic anion is
the coordinating ligand, an electrode reversible with respect
to the anion can sometimes be used, e.g., Ag,AgX/X ,
(x=C1,Br) 817

Reversible metal or metal-amalgam electrodes have
been used for some agqueous metal complex systems, e.g., in

cells of the type: '
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Reference Metal salt Metal M
electrode Ligand or amalgam M-Hg

Inert electrolyte

136

+

Bjerrum and Nielson have used the Cu,Hg/Cu2 electrode

for studies on the Cu(II)--en system. In the above cell the

right-hand electrode may be one responding indirectly to the

138 used the electrode

metal ion. e.g., Reilley and Schmid
system,

Hg/‘Hng_n, MYZ—n, M2+

(Y=edta)
to measure the stability of metal (M)-edta complexes, the
application depending on the very high stability of the

Hg2+ complex.

3-2,2 Activity coefficient assumptions:

For most systems studied potentiometrically, the
quantity measured by experiment to determine the solution
composition is the activity of one of the equilibrating
ions, e.g., commonly the hydrogen ion activity 2H+ from pH
measurements, To be able to apply equations of the form
3-2, 3-3, and 3-4 to the system when deriving formation
constants, it is necessary to convert the measured ionic
activity ay to an ionic concentration [i] by means of

a; = [i]fi

where fi is the hypothetical ionic activity coefficient of

the species i. This is so even if a thermodynamic stability
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constant (Kachfn(fi)) is being determined because, except
in extremely dilute solutions, it is not correct to assume
an additivity of activities, e.g., TH X aH++aHL++2aH2L2+

It is not possible to work entirely in terms of activities.
At some stage in the calculations it is necessary to make an
assumption regarding the form of the empirical activity

coefficient term.

Dilute solutions: Few workers have used solutions suffi-

ciently dilute (< 0.005 molar) to allow the use of the

limiting form of the Debye-Hiickel equation in calculating
activity coeffic:ien’cs.10’“‘L
The Davies' Eguation:11 This empirical equation for

activity coefficients

1%
“logf =AZZ T - BI (B=OQ2), @ e o 000000 3-5
z T 1412

has been used frequently for systems with uni- and bivalent

7,8,12,13,15 It has been shown to be a reasonable

ions.,
approximation at low ionic strengths.8 Davies11 considered
the equation to be accurate to within 2% in solutions up to
0.10 molar ionic strength. Although the equation was
derived for solutions of pure electrolytes only, it has in
certain systems of mixed electrolytes led to thermodynamic
('activity') equilibrium constants Ka in good agreement with
those obtained by extrapolation of log Kc to zero ionic

strength8 (equation 2-9),

Recently it has been shown that the Davies equation



with the empirical constant g =0.30 is a better approximation
16

for most pure electrolytes studied so far.

The Guggenheim Fquation: This equation for the activity

coefficient of ions in mixed electrolyte systems18 has had

little application. Its use is cumbersome, requiring a
knowledge of the activity coefficients of all the component
ion pairs when in pure electrolyte solutions of the same
total ionic strength.

The presence of inert electrolytes: Most measurements have

been made in solutions containing a relatively high con-
centration of 'inert' electrolyte. Commonly used electro-
lytes are KNOB, KC1l, and NaClOu in the concentration range
0.10 to 3.0m/1. It is assumed that the 'inert' or 'support'
electrolyte does not 'interfere' with the species being
studied, and that activity coefficients remain constant for
different compositions of the equilibrating species. For
the purpose of comparison it has been assumed that the term

RT( $ n lnf, -- § njlnfj) (equation 2-8) is constant in

i
such systems and that the term -RTanc is then a direct

measure of the standard free energy change, AG°.

3-2.3 Extrapolation technigue

This procedure, using equations 2-8 and 2-9

- 4G° = RTInK_ = Lt _[RT1rK ]
a (I"’O) c

has led to the most reliable Ka and AGO values when the

solutions used contain an inert electrolyte and are not



sufficiently dilute to make valid the use of the Debye-
Huckel or Davies equation. However, the extrapolation
method is only reliable if Kc is determined down to low
ionic strengths, I < 0,10m/1.

Curves for the extrapolation of Kc to zero ionic

strength have been found to fit equations of the forms:

1ogKa = 1och-+ al Ref. 9
voa 1
logk, = logk,6 + a I12/(1+1%2) 9
log g, = logB2 + AI + p13/2 4 012 22, 23
1
log B, = logﬂl?1 + A'IZ + B'I 22-25
WheI‘e B = K K . . . . K
n Cys " CH ch ’

Brol:: K 'K . ...K

and all the a, A, B, C are constants for a given equi-

librium system.

3-2.4 Spectroscopic methods:

For coloured complexes the concentration equilibrium
constant has sometimes been determined by visible absorption
spectroscopy. This method has an inherently low accuracy.
It has been used to study equilibrium formation constants
of the tetrameen complexes of Cu(II) and Ni(II).® The Job
L

Continuous Variation Technique™ is very useful in deter-
mining the stoichiometric composition of coloured coordi-

nation compounds.




3-3 The Measurement of the Enthalpy Change AH.

Enthalpy measurements have been limited mainly to the
reactions between ligands and protons and the ions
Mn(II)- 2Zn(II), CA(II), Hg(II) and Ag(I). In particular,

reactions involving chelates have been studied, e.g.,

polyamines: ethylenediamine,u1 diethylenetriamine,39

triethylenetetramine,38

15a

etc; dibasic carboxylic acids:

15b

oxalate, succinate, etc.

AH has been obtained by two methods.

3-3.1 (A) The temperature coefficient of the
equilibrium constant: From equation 2-19,

0 2
AH® = 2,303RT (alogKa/aT)P,nk

(8 logKa/aT)P’nk at 25°C, has been obtained for some systems
by measurement of Ka at temperature intervals of 5-1500
above and below 2500.7’9’10’26"29 The temperature coeffi-
cient is equal to the slope of the curve logk, vs. T(°)
when T=298°A. When AH varies appreciably with temperature;7

log Ka can be obtained in terms of parameters a, b, and ¢ by

fitting at least three values of Ka to the equation

logKa = a + bT + cT2.
o] 2 7
This gives AH = 2,303RT“(b + 2¢T) .
Nasanen23 obtained for the copper-1,2-diaminopropane and

1,2-diaminopropane-perchloric acid systems, a relationship

-1

logk, = AT™' + A, + AT, whence AHC = 2.303R(A1—A3T2).

The accuracy of the stability constants has not
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always justified this treatment. Rossotti31

states that the
precision of AH values obtained this way varies by +0.4 to
+2kcals/mole. Such large errors have rendered AH values
unreliable for comparisons. For the [Cu(tren)]2+ complex a
discrepancy of L.7kcals/mole arose between the temperature
coefficient value and that obtained calorimetrically.32 In
some cases however, use of a sufficiently large temperature
range has yielded AH® values in good agreement with those

obtained by direct heat measurement.12

3-3.2 (B) Calorimetry: The use of constant temperature

environment calorimeters is now widespread.3’12’13’19’33-u1

Tempersture changes are measured accurately with

30,33,37,42,43

thermistors, resistance thermometers

(Pt, Cu)uu and multi-junction thermocouples.12

Errors of
€0.,5% in the reproducibility of heat measurements, are
readily obtained. Isothermal diphenyl oxide

45-47

calorimeters and a t-butyl alcohol calorimeter’"‘8 have

been described.

3-Li The Measurement of the Entropy Change AS

AS has been determined by two methods.

3-4.1 (A) Using the Gibbs-Helmholtz Equation: AS may be

obtained from the experimentally determined free energy and
enthalpy change for a reaction according to the Gibbs-

Helmholtz equation,
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Ac° =  AH® - 7aASC.

The term T A S° usually occurs as a small difference between
the other two experimentally determined guantities.
Therefore the accurate determination of AS° requires very

accurate AHO and AGo values.

3-4.2 (B) The temperate coefficient method: From equation

p=gt,

As® = - ( aaG% aT)p.

2.303R(a+2bT+3cT?).

When logK, = (a+bT+cT2), then as®
Only when there is a very large temperature coefficient (for
the free energy change) can this lead to more reliable
results than those obtained using experimental enthalpy

values.

3-5 The Relationship of the State Functions AG°, AH® as®
to the Structure of Complexes in Agueous Solution

3-5.1 The free energy change

For a metal ion ligation reaction in aqueous solution,
—RTana is a measure of the free energy change when water
molecules coordinatively bound to the metal ion are

replaced by ligand molecules or ions:

0

[M(H,0),1%" + L(aq) = [M(HO),_  L]*" + yH,

For each step-wise equilibrium expression involved, there is

a free energy change, a state function, viz.,
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AG1 = —RTana1
o
AG2 = —RTana
2
o
AGn = —RTana
n
o ) o 0
8G_ = AGY +4G) + . . . +AGD = - RTImK_
1-n
= =Lt [RTanc ] (see equation 2-9)
(I_’O) 1-n

The Ka values have in several ways been related to the
structures of complexes and the nature of the ligands.

(a) The ratio of successive formation constants:

The ratio between K, and K , or K, and K (see for
n n+1 n n+1

example equations 3-1 and 3-2) has been expressed statistic-
ally in terms of the number of coordination sites 'occupied'

and 'free' in each complex.J"BI4

If N is the maximum
coordination number of a metal ion with respect to a given

ligand, then statistically,

z
ML
K. = cst.——igl—— = : ﬂq

K
g gt o (omldlea) L 36
n

Therefore, 1ogKc — 1og‘Kc + logN - log lﬂ:ﬁill
n i B

This equation ignores the orbital symmetry in the ground
state of the metal ion, the different bond strengths of the

metal-ligand and metal-OH2 bonds and the increased or
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decreased repulsion between adjacent ligand groups as suc-
cessive water molecules are replaced in the coordination
sphere. The equation

logK, = 1ogKcI - 2A(n-1)
n

has been shown to be validsu for some metal ion complexes
with ionic and neutral ligands. A is an empirical constant
characteristic of each system (Ref., 31, p.34).

The relative order of magnitude KCI> KcIf KcIII
is favoured statistically (equation 3-6) and is generally
valid. Some reversals have been observed and related to
sudden changes of bond type or orbital hybridisation with
changes in the coordination sphere, For example,
[Ni(tetrameen)(H2O)u]2+ is an octahedral paramagnetic ion
(weak field) while [Ni(tetrameen)2]2+ is a square-planar

diamagnetic ion (strong field) and therefore Kc > K }

I1 1
This is because of a change in multiplicity of the ground

state and a related increase in bond strength and crystal
field stabilisation energy in going from the mono to the
bis complex. Similarly for the Fe(II)-2,2'-dipyridyl and
1,10-phenanthroline complexes, the bis salt [FeAQ(aq)]2+ is

]2+ is spin-

spin-free (weak field) while the tris salt [FeA3

paired (strong field) and K > K ,55 because of increased
_ 111 CI1

crystal field stabilisation and increased metal = nitrogen =-

bonding in the tris salt.
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(b) The relationship between complex stsbility and

ligand basicity: AGO may be expressed in terms
51

v

of an 'average' formation constant K,

1
= logK_ . . . logK
N aI aN

standard free energy change per ligand for the coordination

where logKav=

and AG® = -RT1nK is the average
av av

of N ligands to a given metal ion.

The ratio 1ogKav/1ogKLH+, where KLH* is the formation
constant for the neutralisation reaction

HY + 1. = 1LHY,
has been found to be approximately constant for a given metal
ion with similar ligands, when for each type of complex,
the bonding forces and inter-ligand forces are essentially
the same.51

(c) Inter-ligand forces: The repulsive forces between

ad jacent ligand groups may, for a given symmetry, increase
with the bulk or the charge of the ligand. For example, for
a series of metal complexes of N-alkyl ethylenediamines
RNHCHZCHZNHZ, the interaction between adjacent ligand groups
in a coordination sphere increases with the bulk of the
alkyl group R.56’57 There is also an increasing repulsion
between the ligand groups and any water molecules in the
coordination sphere. The net effect is to decrease the
metal-ligand bond strength and the thermodynamic stability
of the complex.

As a result of this steric hindrance and allied

effects, it has been found that log(Kc /Kc ) increases for
I II
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the Cu(II) and Ni(II) complexes of some N-alkyl ethylene-
diamines RNHCH,CH,NH, €257 and some NN'-dialkyl ethylene-
diamines RNHCH20H2NHR 35,58 as the bulk of the group R is
increased, even though the basicity and therefore the elec-
tron donor power of the ligands remains essentially constant
within each series. The ratio 1ogKav/log'KLH+ decreases
with increasing bulk of the alkyl group R for each of these
series of nitrogen-substituted ethylenediamine-Cu(II) and

Ni(II) complexes.

(d) The metal ionisation potential: The stabilities

of some complexes in agqueous solution have been related to
the gas phase ionisation potentials I of their metal
components by

logk, = »(I - q)

where p and q are empirical constants dependent only on the
ligand for a given temperature and solvent.59 Other direct
correlations of stability with ionisation potential have

also been mad.e.6o"62

3-5.2 The enthalpy change AH

The values of the heats of metal ion ligation AHL
measured for reactions in agueous solution are the net heat
content changes when coordinatively bound water molecules

are replaced by ligand molecules or ions; e.g.,

[M(H, 0) ]( ag) * nL(aq) - [ML ](aq) + XH,0 . . . AHp ... 3-7
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AHL is a measure of the strength of the metal-ligand bond

in the complex relative to the bond strength of the metal-
OH2 bond in the aquo ion. AHL also takes into account the
relative crystal field stabilisation energies and solvation
energies of the complex and aquo ions, and the variation in
inter-ligand repulsion forces with substitution (section
3-5.1c). For the amine complexes of the divalent ions
Mn(II)-Zn(II), - AH; has values of the order of L-6kcals/mole

d,32’LM These values are

for each metal-nitrogen bond forme
very small compared with the 'absolute' enthalpy changes
expected for ligation in the gas phase.

Metal-ion ligation in the gas phase: For the reaction in

the gas phase,
Z+ +
M(g) + I]I-l(g) ~» MLn%g) . * AH(g) s 00 e e 3-8

AH(g) is made up of three terms : the coordinate bond
energy, the crystal field stabilisation energy for the
complex MLn%E) and the inter-ligand repulsion energy.
AH(g) can not be measured experimentally.

The enthalpy of hydration of a gaseous metal ion,
AHH:

MGy + xH(1) > [M(EP) 1) - - BHy ... 3-9
can be obtained experimentally as the summation of two

energy terms (Ref. 63, p. L1L4):
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MZng)+ ze?g) - M(s) . . . -HpZ*

M(s) + zH'(aq) + 0 = [M(HZO)X]Z+(aq) + g H,(g) . .AHp

esess 3-10

AHH = AHF - sz+ because, by convention, the standard
heat of formation of the hydrated proton (as in equation 3-10)

6l

is set equal to zero. Because of this convention the

AHH value obtained is not absolute. *

Combination of equations 3-7 and 3-9 gives

MZ+(g) + nL(aq) = [MLn]Z+(aq) .« « o M

com
and AHcom = AHL + AHH
AHcom approximates to AH(E)’
AH g om = AH(g) * AHsoln(MLg+)_nAHsoln(L)

For a given metal ion with similar ligands (gaseous), the

heats of solution of the ligand and [MLn]z+ have been
65

considered approximately invariant. Thus George has used

AHcom as a measure of AH(g) for comparison purposes.
These considerations have been summarised in the following

energy cycle (after George and McClure63):

* Hydration energies AH,, can also be estimated from the
lattice energies and heats of solution of salts. The
heat of solution of the anion plus cation so obtained,
is empirically separated into two component terms, one
for each ion, by comparison of a series of salts
containing a common anion or cation, Here again the
determination is not absolute.
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AH
N (gv) + nl(g) L (ML, 1% (g)
-na Hsoln(L) AHsoln(ML 2+)
+n A (L) 2
Z+ e HCOlTl Z4
M7 (gv) + nL(ag) = (ML 1% (aq)
( AH, o = AHg+ AHp = AH(g)+ AHsoln(MLf‘l“) +nA (L)+nA Hsoln(L))

where A is the latent heat of evaporation for a liquid

ligand., Alternative ways of formulating this cycle have

been adopted in various theoretical discus—;sions.33’u8’91‘L
Despite their limitations as outlined above, the

experimental values of AHL give much information about the

structure and bonding in coordination compounds. For example,

(a) The structure of complex ions in agueous solution:

The magnitude of AHL depends in part upon the relative
number of water molecules endothermically liberated per
ligand group coordinated. For example, the aqueous Zn(II)
ion is probably six-coordinate in solution,77 [Zn(H20)6]2+;
In complex formation the Zn(II) ion often adopts a four-
coordinate tetrahedral structure in which inter-ligand
forces are minimised. Thus two of the water molecules which
are endothermically liberated in complex formation, may not
be replaced in the coordination sphere by ligand donor
atoms. As a result, the AHL measured has a low negative
value and AS a high positive value. For example, for the

complex ion [Zn(trien)]2+(aq), the values - AHL=8.9Okcalsﬁdm
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and AS=25,0e.u. have been taken to indicate that Zn(II) is
probably in four-fold (tetrahedral) coordination.38

(b) The donor power of nitrogen atoms: The order of

basicities primary nitrogen groups = 29 » 30 is partly a
result of their relative heats of neutralisation. For
example, the - AH1 values for the protonation of mono-, di-,
and triethylamine are 13,09, 11.86 and 8.81kcals/mole

50

respectively, and for the diamines 1,2-diaminoethane (10)
and piperazine (2°) 11.91%" ana 10.1719 kcals/mole
respectively.

For the nitrogen protonation of some polyamines
Paoletti et al.19 found a linear relationship between AH1
and the ratio (R) of the number of 2° nitrogen atoms to the
total number of nitrogen atoms in the amine, viz., 1,2-di-
aminoethane R=0, AH1= —11.91kcals/'mole;M diethylenetriamine
R=0.33, AH,= -11.20kcals/'mole;121 triethylenetetramine
R=0.50, AH,= -11.01kcals/mole, > and piperazine R=1.0,

AH1= —10.17kcals/mole.19 It was deduced from the
relationship that the monoprotonated ions Hdien+ and
Htrien® exist in two tautomeric forms, one protonated on
the primary nitrogen and the other on the secondary, in
almost statistical ratio. It was concluded that the
basicities of the 1° and 2° amine groups in these poly-
ethylenepolyamines are nearly equal. However, the presence
of a 2° or 30 nitrogen atom in a chelating group (e.g.,

trien, tren respectively) generally lowers the value of stL
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relative to that for the corresponding ethylenediamine

complex with the same total number of nitrogen donors

38

coordinated. For example, in the mono trien and mono

32 complexes of Mn(II) - Cu(II), (four nitrogen atoms

tren
coordinated) - AHL is 3.0 to L,7kcals/mole lower than for
the corresponding bis ethylenediamine complexe—zs,"LO although
Paoletti et al. consider that this effect may be due in part
32

to strain in the additional chelate rings.

3-5.3 The entropy change AS:

The entropy of an atom or molecule is a function of
its modes and freedom of motion, internal and externa1.97
Any assembly of n atoms has 3n degrees of freedom
(D.F.); three are translational, and for non-linear poly-
atomic molecules, three are rotational and 3n-6 vibrational.
A coordinated water molecule has of itself no trans-
lational D.F.; it has three vibrational D.F. and three
librational (see p.225). (The three librational D.F. cor-
respond essentially to hindered rotations of a 'free' water
molecule.96) As a group it also has one vibrational D.F,
with respect to the metal ion (M-0 stretching mode). When
the coordinated water molecule is displaced from the metal
ion and 'freed' it loses one vibrational D.F. (M-0 stretch)
and the librational D.F. with respect to the metal ion. It
gains three D,F. of translation and three of rotation.

Upon coordination a ligand loses three D.F. of trans-

lation, and in the case of a chelate its vibrational D.F.
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are altered and its rotational D.F. (all or some) are lost.
One new vibrational D,F, (M-ligand stretch) is gained per
metal-ligand bond formed.

The entropy change for a reaction depends on the re-
distribution of the degrees of freedom within molecules and
ions as they combine to form new compounds,

Certain specific factors influence the AS in complex
formation.

(a) The coordination number of the complex: For a

reaction of the type

[(M(E0) L 1% + 1 = [M(Hzo)x_ynn]z++ yH,0

n-1

AS generally decreases with increasing values of npo’77
This has been explained statistically by considering the

number of sites available for coordination by each successive
donor atom.1’93

(b) Interactions with the solvent: The entropy can

be considered as a measure of the order or disorder in a
system. An entropy increase accompanies increased disorder
or randomness in a system.

There is evidence that for an aqueous ion of moderate
size, the inner coordination sphere is surrounded by a

8L

region less ordered than pure water. This region arises
from competition between two incompatible structures, those
of the primary coordination sphere and the bulk of the liquid.

As the radius of an ion of given charge decreases, its



power to polarise and order the solvent in its vicinity
increases, This ordering decreases the entropy of the
solvent. The spatial extent of the cloud of ordered solvent
molecules about an ion depends on the radius and charge of
the ion. For example, the entropies of equally charged

ions increase with ionic size because the power to polarise
the solvent decreases (So_+ 3.Lhe.u., S;a+ 14.4e.u. ,

Li

S

K Rb

89). Similarly the entropies of ions increase

to S§+ =0e,u.,
with decreasing ionic charge (8213+ -74.9e.u, , S;g2+ -28. 2e.u.,
S§a+ 1u.ue.u.9o) A cation has a greater ordering effect on
the solvent than does an anion,

In metal ion ligation reactions, both the effective
radius of the metal ion coordination sphere and the effective
(peripheral) charge of the metal ion may be altered. The
resultant change in the ordering of solvent molecules will
contribute to the measured entropy change.93 Entropy
changes for addition of ligands beyond the first are smaller;
this may arise from a decrease in solute-solvent interaction
with decreasing positive charge of the complex ion (e.g.,

Al3+ + 3F° 92), or from increasing size of the solute when
large ligand molecules are used, (e.g., Mn(II), Ni(II),
cu(II), zn(II1) + en™® or 2,2'-aipyriayl’’).

However, Eley and Evans85 in considering the

hydration of ions, stated that the effect of coordination on

the movement (vibration, libration and lateral translation)
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of the ligand (HQO) in the primary coordination sphere makes
the major contribution to the agqueous ionic entropy. Their
argument was based on a calculation of the energy terms
involved. They noted a correlation between AS for the
solution of a gaseous ion, and the electrostatic bonding
energy between the ion and the fractional charges on the O or
H atoms of water in the primary coordination sphere.

oL

Yatsimirskii noted a similar correlation, The entropy of

complex formation is primarily determined by the energy of
oL

hydration of a central ion.

The contribution of 7 A S° to the total free energy change.

For ion-association reactions the TA S° term is usually very
important and may determine both the sign and magnitude of
AG° since AHC is usually small, cf., Table 3-1. When
both the cation and anion donor atoms are readily polarised,
the bonding forces and AH® for ion association increase and
T4 S° becomes less significant13 cf., Table 3-2.

For the reaction of neutral ligands with the ions
Mn(II)-Zn(II), AH® values are generally much larger than
for ion-pairing reactions and the value of the term T A s°
contributes only slightly to the value of AG®, 39,01 €e Lo,

for the reaction

[Ni(H20)6f+(aq) + en(aq) - [Ni(Hzo)u(en)]2+(aq) + 2H,0,

AG® = -10.50kcals/mole, AH®° = -8.90kcals/mole and

TAs® = 4,60kcals/mole. Lo
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TABLE 3-1 122D

Thermodynamic functions for some transition metal

dicarboxylate ion pairs, 2500

Ion pair -A0G(kcals/mole) AH(kcals/mole) TAS(kecals/mole)
Ni2++020L2l_— 7.0540. 02 0.15+0.10 7.20+0.12
Co®*sc, ﬁ’ 6.544+0.02 0.59+0.07 7.13+0.09
Ni%*+succinate 3,2040. 02 2.2340,2 5.143+0. 22
Co®*ssuccinate 3.0240,02 2,810, 0l 5.83+0.06

TABLE 3-2 12

Thermodynamic functions for the reaction Hg2++X_:= HgX+
at 25°C
X -AG°(kcals/mole) —AHC(keals/mole) TA (kcalghole)
Cl 10.0 L.8+0.5 5.1+0.9
Br 13.3 10-6i0-5 2.7+0.9

I 18.14 17.640.5 0.940.9
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Exceptions to this generalisation arise when a chelate group
replaces more or less than its equivalent number of water
molecules from metal ion coordination sites. e.g., for the
1:1 reaction of dien with [Zn(H20)6]2+(aq), a large

positive TAS® (4+5.55kcals/mole) coupled with a relatively
low AH? (-6.45kcals/mole) indicates>” that dien may be
replacing five water molecules from the [Zn(H20)6]2+ ion to
give the four-coordinate ion [Zn(Hzo)(dienJ]ggq).

The relationship between TA s® and _AH®. A linear relation-

ship exists between these functions for the hydration of
85

gaseous ions and for many cases of ionpair formation in

agueous solution;1oo the latter implies that both AH® and
As® may vary as the inverse of er+ (e.g., Refs. 7, 156).
For reactions involving neutral ligands no such relationship
has been observed. For reactions between like metal ions
and large polydentate ligands, AS may remain essentially
constant while AH® varies considerably. e.g., for the
mono trien complexes of Mn(II)—Cu(II), - AH? increases
regularly with atomic number from 2, 7kcals/mole for Mn(II)
to 21.55kecals/mole for Cu(II) while T A s° remains in the
range (5.]10.9)kca1s/mole.38

(¢) The chelate effect. This is the observation that

for the formation of metal ion complexes with bidentate
ligands, - AG® and therefore the formation constant is
generally greater than for the complexes containing an

equivalent number of the corresponding monodentate ligand
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molecules. e.g., this is shown for the pairs of ligands:

2,2'—dipyridy1122> pyridine,z’53 en > CHjNH2,66

oxalate2>' formate. Cften this is
mainly an entropy effect ( As® more positive for
chelation).26’53 For the Mn(II) and Zn(II) ions, with no
crystal field stabilisation energy in their complexes, it is

53

almost entirely an entropy effect. For other transition

metal ions there may also be an enthalpy effect ( AH® more

negative for chelation), at times quite significant. e.g.,

for the agqueous reactions:

[ M(NH,) ]2+ + 2(en) = [M(en) ]2+ + nNH
3'n 2 - n/2

) 66,123

3!
M = Cu(II), Ni(II

The same observed chelate effect arises between
poly- and bidentate ligands. For example, for the formation
of the aqueous complexes [M(tren)(aq)]2+, M=Mn(II)-Cu(II),
A 8° is positive and 9-20e.u. greater than AS® for the
corresponding [M(en)2]2+ :i.ons,32’L‘LO although the - AHo
values are consistently slightly lower (partly due to the

presence of a 30 nitrogen donor in tren).

3-6 Bonding Theories for Coordination Complexes

3-6.1 The crystal field theory

This theory assumes that the interactions between a
metal ion and its surroundings are purely electrostatic and

between point charges and dipoles. The metal ion electrons
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are considered to remain in essentially metal ion orbitals.

(a) The crystal field stabilisation energy, C.F.S.E.

The approach of say six octahedrally arranged ligand dipoles
or charges (cubic field) to a transition metal ion 1lifts the
five-fold degeneracy of the d orbitals. The d electrons can
preferentially occupy the lower energy levels formed, with a
net gain in stability with respect to the hypothetical ion
of the same size and in a spherically symmetrical field.
This net gain in stability is the C.F.S.E.

Fig. 3-1 shows the crystal field energy level
diagram for a d2 ion in a cubic field. The crystal field
splitting A equals (E(eg)_E(tzg)) for a cubic field. For
any transition metal ion in a cubic field, the C.F.S.E
=(O.6ne-0.unt) , Where ng and n, are the numbers of
electrons in the e_ and t

g 2g
value of A varies with the cubic field component, i.e.,

orbitals respectively. The

with the donor power of the ligand. The relative values of
A for the common ligands are summarised in the spectro-

chemical series: A for CN  >> NO,~

dipyr > tren 5 dien = en > NH3 = pyridine > edta >

> 1,10-phen > 2,2'-

H,0 > C ou > HCOO™ =z OH > F~ > Nog

Br- > I (after Fajans and Tsuchida, Ref. 31, p. 266).

> C1” & SCN™ >

For weak fields (poorer donors) the lower and then
the upper d orbital energy levels are firstly occupied with
electron spins parallel before pairing occurs in the lower

energy level (spin-free state). For stronger crystal
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Fig, 3-1 The Crystal Field Diagram for a d2 Ion in a

Cubic Field.

es(dz’, xl_yl)

l/' f
S 06A
d* S L
\\\ T
0-4A
Spherically \\‘—Ela_ tzs(dxy,xz, yz)
symmetric
cubic field
field

fields A 1is often large enough to alter the multiplicity
of the ground state as found in the gaseous metal ion. This
arises if the gain in C.F.S.E. through an electron transfer-
ring to a d orbital of lower energy is greater than the
electron pairing energy* P required for the adoption of a
spin-paired state. For example with A=1,10-phenanthroline
or 2,2'-dipyridyl, [FeAQ(H2O)2]2+ is spin-free with four
unpaired electrons (paramagnetic) while [FeA3]2+ is spin-
paired (diamagnetic).55 A net increase in ligand donor

power from the bis to tris complexes, increases the crystal

* Electron pairing energies for gaseous ions are obtained
from atomic spectra.
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field splitting of the d electron energy levels to make
A > P.
For symmetrically 'occupied' a® electron con-
figurations (Ca2+, Sc3+, Tiu+), d5 electron configurations

2+ pe>*) ana a'°

(weak field Mn electron configurations
(cu*, zn®*), the C.F.S.E.=(0.6n_-0.Un/) A = O.

Although a smaller term than the enthalpy of ligation,
the C.F.S.E. is often sufficiently significant to determine
the structure and/or coordination number of a complex. For
example, in a strong ligand field the Ni(II) ion may adopt a
four-coordinate square planar (spin-paired) configuration; a
six-coordinate Ni(II) complex would have a higher bonding
energy, but this stability would be offset by a lower
C.F.S.E. For Zn(II) complexes a zero C.F.S.E. term makes
inter-ligand repulsion a critical factor determining struc-
ture; Zn(II) often adopts a tetrahedral coordination
configuration although this configuration has a low erystal
field strength compared with octahedral or square planar

configurations.

(b) The spectroscopic C.F.S.E. ( Aspec)‘ The energy

change A for an electron transition between the eg and t2g
levels in octahedral transition metal complexes can be
obtained directly from the visible, near U.V. or near I.R.
absorption spectrum (103108 = 0-2), except for du and d9
ions for which Jahn-Teller distortions must be considered

(3-6.1f ). This Aspec’ when corrected for electron
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pairing energies, is a direct measure of the C.F.S.E.

(¢) The thermodynamic C.F.S.E. ( 8H): This is the

enthalpy difference between the AHL value observed for a
metal ion ligation reaction and that wvalue AHT obtained by

smooth interpolation of the AH, values for Ca(II), Mn(II),

L
and Zn(II).

Ca, Mn and Zn(II) compounds have no C.F.S.E. and the
AHL values for their formation increase approximately
linearly with atomic number. The increase parallels a
decrease in ionic radius and an accompanying increase in
ionisation energy, I1+12.68 In the absence of crystal
field stabilisation, the ligational enthalpies for the ions
Ca(II)-Zn(II) would be expected to increase regularly with
decreasing ionic radius, and lie on a smooth curve (AsHT)
through the Ca(II), Mn(II), and Zn(II) AH; values. In Fig.
3-2, the AHT curve and the heats of hydration AHH for the
divalent ions of the first-series transition metals are

plotted. For each atomic number, &H= AH,- AHT.

L
The crystal field theory does not require that -Z&HT

values should lie on a straight line, but that they should
increase steadily with decreasing ionic radius. The values

( AH ) (or e.g., ( AHg- A ), Fig. 3-2) lie slightly

| Aspec spec
above the interpolated AHT values, showing that &H is only

an approximate measure of the C.F.S.E. The difference

( AHL- A ) - AHT, has been associated with the small

spec
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Hydration Enthalpies for divalent ions of the

First Series Transition Metals.

Fig, 3-2
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decrease in ioniec radius and subsequent increase in AHL

which accompanies the loss of d orbital degeneracy.

(d) The transition series contraction energy (E

70

For the elements Mn(II)

- Zn(II), E,

is defined by

5, (Un(11)-2n(I1)) = ( 8B (2a(11)) + AHy(pncr1y)) -

AH

CAHp n(11))

com(Zn(II)) ~

+ BHgyn(11)))

AH om(Mn(11)) ....(3-5.2
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Er(Mn(II)-Zn(II)) is usually in the range (55+10)kcals/mole
for the coordination of any given number of O- or N- donor
ligands (Ref. 63, pp. 431-7), and usually increases slightly
with increasing coordinating power of a ligand and with net
ligand-field strength in a complex.63’72

(e) The Irving-Williams order: When the total spin-

quantum number of the divalent metal ion is unaltered by
complex formation, the Irving-Williams order of

stabilities®2r67

Mn < Fe < Co < Ni < Cu > Zn is usually
followed. The high values for Cu(II) are contributed to by
Jahn-Teller distortion.

(f) The Jahn-Teller effect: The Jahn-Teller theorem

states that a symmetrical polyatomic molecule in an
orbitally degenerate electronic state will distort to a

conformation of lower energy (and degeneracy) except when

82

the molecule is linear. This distortion will be larger

for a doubly degenerate Eg state (for example tgg g(du)
gg g(d9) Cu(II)) than for a triply

degenerate ng, (for example tzg(d1) Ti(III);

Cr(II), Mn(III); t

R 2 ;.2 .
23 g(d ) Fe(II)) or T18 (for example t2g(d ) V(III);

tgg g(d7) Co(II)) state.

Because of this effect, the six-fold coordination of
ligands around Cr(II), Mn(III) and Cu(II) should be asym-
metrical. This has been confirmed by X-ray work.63’7u’75’82

There is no crystallographic evidence for distortion

in triply degenerate molecules. Copper(II) compounds have
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four donor atoms coplanar with and relatively close to the
metal jion and often two more distant donors above and below
the plane. The distortions account for the large C.F.S.E.
and ligational enthalpies for compounds of these elements.
The relatively high stabilities of Cu(II) complexes are
critically dependent upon the tetragonality of the ligand
field. '

3-6.2 The ligand field theory

This is a modification of the C.F. theory to account
for small amounts of overlap between ligand and metal ion
orbitals. The modifications involve using the parameters of
inter-electronic interaction (viz., the spin-orbit coupling
constant A and the Racah parameters B and C) as variable
parameters rather than making them equal to the values for
the free ion. Values for these parameters can be obtained
experimentally from electronic absorption spectra and the
amount of covalency (M-L) in a complex estimated by
comparing the values for the complex and a free (gaseous)
metal ion. With increasing covalency in the metal-ligand
bond, the transition metal 4 electrons became less localised,
i.e., their orbitals have increasing ligand orbital character.
An ordering of ligands according to their effect upon the
parameters for given metal ions gives a series called the
Nephelauxetic (cloud expanding) series (after Jorgensen,

e.g., Ref. 49).
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Satisfactory agreement between experimental
(A}Hf'Aspec) values and predicted (A}HQ enthalpies of
formation for complex ions of the transition metals appears
to justify the interpretation of results in terms of a
crystal field or ligand field theory. It is considered that
the existence of a crystal field term stabilises transition

metal complexes with respect to those of inert gas type

ions.

3-6.3 The Molecular Orbital Theory

The Molecular Orbital Theory as applied by Orgel78 to
an octahedrally coordinated transition metal ion considers
o -bonding to occur between the six axial ligand orbitals
and six metal ion orbitals of suitable symmetry, e.g.,
Ls, upx,y,z’ 3dz2, 3dx2-y2. The combination of twelve
atomic orbitals gives twelve molecular orbitals, six
bonding and six anti-bonding. The metal orbitals have a
lower stability than those of the ligands and therefore make
a smaller contribution to the bonding orbitals. The anti-
bonding orbitals have a character predominantly that of the

metal orbitals. The metal eg and tzg orbitals approximate
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to anti-bonding and non-bonding orbitals respectively in the
M.0. model (Fig. 3-3a). The metal ion d electrons can
occupy either the lower energy non-bonding orbitals and
thereby not affect the bond strength, or the anti-bonding
orbitals and thereby destabilise the ion with respect to a
corresponding inert gas type ion. For a weak field spin
free system, the resulting destabilisations in units of A

24 2+ 2+

(Fig. 3-3a) are for T12+, V3+O; Cr - A; Mn®', Fe™',

Co*, Wi%*, -2a ; cu?t

79

-30 ; Zn°t -uA
Shuit applied the M.,O. theory to the hydration
enthalpies for Ca(II) - Zn(II) ions,79a the lattice energies
of some Ca(II) - Zn(II) complexes with oxygen donors 2P
and the heats of formation of some Mn(II) - Zn(II) complexes
containing nitrogen donor ligands.79c
For cations with inert gas type structure, there is
an empirical relationship between hydration enthalpies and

. 80’81(for divalent ions)

the cation ionisation energy I = I1+I2
—AHH = I+ C
where C = a constant for cations of equal

charge, = 180kcals/mole for divalent ions.
For the six coordinate hydrates of the ions Ca(II) - Zn(II),
Shuit79a has shown the following empirical equation to be
valid,
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Fig, 3-3a Molecular orbital energy level diagram for an
Octahedral complex (diagrammatic).69
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where n =

found to be approximately = A

L8

the number of d electrons in anti-bonding

orbitals

the thermodynamic field splitting factor,

spec*

This equation illustrated that the M.0. theory gives a

satisfactory interpretation of the relative AH.. for

Ca(II) - zn(II).

H

79a accounted for the

A modified equation

stabilisation of Cu and Cr as Ls' states and for Jahn-Teller

distortion in

im AHH

where Is

At(1)

At(h)

divalent Cr and Cu compounds:

1 h
Ig+C-ngli1) - Pedi(n)

the electron affinity of the ion for a
pair of s electrons.

the energy difference between the 'lower
e, level' and the tzg level.

the energy difference between the 'higher
e, level' and the t

g 2g
the number of electrons in the 'lower

level,

|
eg level',

the number of electrons in the 'higher

! ¥
eg evel

An extension to N- donor complexes also considered the

effects of 'acceptor' and 'donor' pi-bonding upon the

spectroscopic field splitting factor A' (Fig. 3-3b).
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CHAPTER FOUR

THEORY OF ANALYSIS

L4-1 The Measurement of Formation Constants

Concentration equilibrium constants KC for the metal
ion ligation and the neutralisation of some carbon-
substituted ethylenediamines have been determined at a series
of ionic strengths (0.04 to 0.35m/1). AG°® values were
derived from these constants using equation 2-9, All
measurements were made at 25.OQiO.O1OC.

Kc values were calculated from experimental data by

Bjerrum's method of successive subs‘citution.ﬂ’12)4

L4-1.1 The protonation of diamines

1

For the equilibria 3-4 Bjerrum defined 'the degree

of formation' for the total system,
n = the average number of protons attached per
ligand molecule.

the total concentration of H' bound to the ligand
the total concentration of ligand in the system
TH - [H]

= ——— , where [H] 4is the equilibrium hydrogen

T

ion concentration,

(e 2] e FIEIE & X [(HP[0]

[Ll+[Be] o8 L] ~ T X, [EI L]+ Kc1Kc2[H12[L]
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2
K, [H]+ 2k_ K _[H]

= 2
1+ [H] + X_ K_ [H]
C1 01 02

By rearrangement,

= 1 -r_l ® o0 8 0 80 08 s s 0 0 -1
K°1 [H] ((1—ﬁ)+(2-ﬁ)[H]Kc2) ‘
(7i-1) +T—]'E—
H|K
and Kc2 = [;I]( (2_‘ﬁ) 01) e e 000000000 LI.-2

If it is considered that to a first approximation the nth
step-wise equilibrium reaction does not occur until the

(n—1)th reaction has gone to completion, then

1

1
K = — =
Cy Hn=0.5 wH K02 [H]n=1.5

and in the general case,

K = —1—; for any coordinating species A..L=3
¢, [AJn=n-0.5

However, these relationships are only approximate because
they ignore the simultaneous existence of more than one
equilibrium reaction in this system. Substituting these

approximate KC and Kc values into the right hand side
1 2
of equations U4-1 and L4-2, and equating 4-1 for n=0.5,

[H]n=0.5, and L4-2 for n=1.5, [H]n=1.5, new improved values
1 t

K and K are obtained:

¢, ¢o
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' 1 1
K = - — P s e e s 00000 =)
¢4 [H]n=0.5 (1 + 3K [H]n=0.5) i
g
and
] 1 j
K = T e 1 — © s 0600000000 e
1

If the constants are not too close together, say
log(Kc1/Kc2) > 2 the term in the bracket [ ] converges
rapidly. Alternatively, the improved Kc values may be
resubstituted into the right hand side of equations L4-4 and
L4-5, and the process of successive substitution continued
until invariant Kc values result.

The required values of [H]n=n-0.5 were obtained by
graphical interpolation from directly measured
(potentiometric) hydrogen ion concentrations for ligand-
HClOu mixtures of known n. For protonation of the carbon-
substituted ethylenediamines the equilibrium hydrogen ion
concentration was << Ty, making 1 Ty /Ty

Extrapolations of K, to zero ionic strength: These were

done to obtain values of logK = - AG®/RT (equation 2-9).
Linear relationships wefe obt?ined by plotting loch1
against I and (lochz-If/(1+Ig)) against I. Expressing f,
by the Davies equation (equation 3-5) in which B is an

empirical constant, then to a first approximation,

1°gKa1 = 108‘1(01 + B'I (from equations 2-5, 2-6)

and 1OgKa1 = (I—I:to) (108Kc1) © e s s s 0000000 0ecss0 s L'-_6
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. oATZ !
Similarly, log Ka = logKc - + B I
B 2 1417
z
and. logKa —1 Lt (10ch - ‘ZA_II ) ® o ® 08 8 8 00 0 0 e e L‘-"'?
2 (I1-0) 2 1412

It was found that g" = O.

L-1.2 The step-wise formation of metal ion coordination
complexes

For n successive step-wise equilibrium reactions

(equations 3-1, 3-2),

n

the average number of ligands L coordinated per
metal ion M

(the total concentration of I bound to M)/

(the total concentration of M in the system)

————, where [L] is the equilibrium 'free'
M

ligand concentration
(or in the case where the ligand is a weak acid or the
conjugate base of a weak acid,

n

I

(ry, - [L] - [HL] .. . . ..[H L] /4, ,where L is n-basic)

[M] (KCI[L] M 2KCIKCII[L]2 SRR NP .KCN[L]N)

[M] (1 + K, [L] + KCIKCII[L]Z SRITIRIE .Kq&IJN)

(from equations 3-2, 3-3)
where [M] = [M(Hzo)xz+] etc.

For the case when n = 3 it follows, on rearrangement, that

K

= = ( = 3 ) T
°t (L] \@-m)+(e-mike (L] + (3-M)K, Ko [1]2
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(-1-1-1) + -K_-I:l-ﬁ:j

_ °1 -
T ) [

and — -
— -1 n
-2 n
fu-2) # * K. LLJ2
1T

1 °11 o N )
K = — = ceeessee L-=10
°111 (L] ( (3-n) *

Analogous to the protonation reactions (4-1.1), to a first

approximation, K R

¢y = [LA=N-0.5

|
and improved values of the formation constants (K_ ) can

be obtained from:
K d :
c; - [L]n=0.5 = -
I > 1 + 3_  [L]n=0.5 + 5K_ K [L] n=0.5
C11 €11 C111
ceuseenas =11

>
1+ ==
KcI[ Lln=1.5

1
K = T — @ ees 00000080000 -'1
c11 [L]n=1.5(1 + 3K [L]n=1.5) e

ITI

K' = —1—_ (1 + 5 — + 5 )
Cryy [L]1=2.5 K, [L]n=2.5 = X_K_ [L1P5-2.5
II I °I1

o * 0000 00 L'-"13
in whiech X_ , K , and K are the approximate K
s C111
values obtained from the formation curve., Constant

KcN were obtained by successive substitution of improved
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values in these equations. The bracketed terms converge

rapidly when log(K > 2.

oot Py
Values of [L] and the formation function

n = (ry -[L] - [HL] -[H,L])/Ty, were obtained by measuring

[H] for mixtures of varying composition of metal per-

chlorate, ligand and HClOu, and by using the equations:

Ty = [H] + [HL] + 2[H,L] (equation 3-L)
rg-(H] = [LI(x, [H] + 2, K, [R]%)
where K, = [HL] /[H][L] and K, = [H2L]/[HL][H] .
1 2

The Kc and Kc values used were those obtained experi-

1 2
mentally at the corresponding ionic strengths.

4-1.3 Solution composition:

For metal ion complex formation, TH was less than
O.O7TL to minimise the formation of protonated coordination
complexes, [M(LH")(aq)]*, etc. A known concentration of
HClOu(TH) was added to each solution so that equation 3-4
could be utilised (TH=[H] + HL] + 2[H2L]). For solutions with
n < 1, acid buffering suppressed hydrolysis of the metal

aquo ions:

[M(E0) 0BT + B = [M(H0)q 1%

For all systems, solutions were made up at ionic
strengths 0.04, 0.10, 0,15 and 0,20m/1. NaClOu and

Ba(ClOu)2 were used as inert electrolytes. The
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concentrations of NaClOu and Ba(ClOu)2 were varied to keep
the total ionic strengths of monovalent perchlorates
(HClOu, L(HClou), NaClOL‘_) and divalent perchlorates
(L(Hcmu)z, Ba(ClOu)2,[MLn(aq)](CIOM)Z) in the ratio 2:1

in all solutions. For I1=0.20m/1 separate solutions were
made up for each n studied. (This gave a higher inherent
accuracy than a titration method.) For each'ﬁ, solutions
at lower ionic strengths were obtained by dilution with
distilled water. For the 1-methyl 1,2-diaminoethane (pn)-
HClOu and pn-M(ClOu)2 systems, solutions with I=0.35m/1 were
also used.

For each system a plot of n vs. [L] (metal ligation)
or [H] (ligand protonation) was made at each ionic strength
(a 'formation' curve). Values of [L]n = n-0.5 or

[H]ﬁ = n-0.5 were obtained by interpolation if necessary.
For each equilibrium step studied several solutions (4 to 7)
were made up within the composition range n = (n-0.5)+0.06
ton = (n-0.5)-0.06. e.g., for H+L = HL, solutions in the
range n = O.Ll to 0.56; for HL + H = H,L, solutions in the

range n = 1.44 to 1.56.

L-2 The Measurement of Step-wise Enthalpy Changes

Enthalpy changes were measured calorimetrically.
For each equilibrium step in an aqueous complex
formation reaction there is a corresponding enthalpy change,

€. go [}
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[M(HL0)1Z + L = [M(Hzo)uL]2+ + 2H0, qp = - OH;
[M(H0) LI + 1 = [M(H0),L,1%% + 2H 0, qpg= - BHp

- . 2+ _
[M(HLO),LFY + L = [ML5)%* + 21,0, arpr= - MMy
where AHy = H + oH -H -H 54

For a given value of n, the measured heat of ligation

(-q calories per mole of metal ions) will be the sum of the

enthalpy terms for the conversion of one mole of [M(H2O)6F+
. 2+ 2+ 2+

to a mixture of [ML3] , [M(H20)2L2] s [M(Hzo)uL] , and

[M(H20)6]2+. If x, y, and z are the fractions of Ty

]2+

existing as [M(HZO)ML]2+’ [M(H20)2L2]2+ and [ML3

respectively in the final equilibrium mixture, then

-q (x+y+2z) AHp + (y+2) AHpp + zAHp g

+ b, AH + ¢c,AH

- a1AHI 1 II 1 III ® o0 e 0000800 )-l--1)-4|>

where a, is the degree of formation of [M(HZO)AL32+

, etc.
Addition of a large excess of ligand converted virtually

all of [M(H20)6]2+ to [ML3]2+,

-q = AH. + AH + AH = AH

IIT = I-ITI (by definition).

I 1
The AHN values were obtained by the solution of N

(here three) simultaneous equations like L-1l;, each cor-

responding to a different value of n, i.e., each with

different values of a, b, ¢, and q.

For the diamine protonation reactions
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H" +1L = HLY, qq = - AH

HL®Y, g, = - AH

1
HLY + '

1

2

t 1

" ! -
and -q - a1 AH +b1AH2 @ @ 02 00 00 0000000000 )-l-15

1
where a! and D! are the degrees of

1 1
formation of HLT and H2L2+ respectively.

To account for the presence of acid (HClOu) in the metal
ion ligation reactions, equation 4-14 was modified to
=Gp = &, AHp + by AH{p + ¢, AHppp + aé AH, + bé AH,

eeses L-16
The numerical value of (aé AH1+bé AHZ) was calculated from
previously obtained AH1 and AH2 values.,

To minimise the effect of experimental errors in the
solution of the simultaneous equations, values of n < 1.0,
approximately 1.8-2.2 and 2.8-3,0 were chosen. These n
gave a wide spread of values for g, b, and ¢. The errors in

AH2 were greater than in AH1, and in AHIII > AHII > AHI.

L-2.1 Analysis of calorimeter reaction mixtures.

Each resultant reaction mixture was analysed potentio-

metrically to determine its equilibrium composition.

(a) Ligand neutralisation: The coefficients a; and b;

in equation 4-15 are related to the formation constants Kc
1

and Kc , and the equilibrium hydrogen ion concentration [H].
2

1
b,

[H,L] / ([H,L] + [HL] + [1]) = [H,L] / T

a} ([HZL] + [HL]) / Ty -
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But [HL] = Kc1[H][L]
L) = K, (m)la)
and
T, - [H] = [LKKC1[H] + 2KC1K02[H]2 ) (from equation 3-4)

and from these relationships we obtain

(1+K02[H])(TH-[H])

a = ® 9 0 % 2 0 0 0 B S S OB e SO 6 S B eSS L‘--17
1 (1+2Kc2U£D T;

Ky [H](Ty-[H])
b; = 2 LR L B O R I B IR I I I I I R R O I I ) u-18
(1+2K02[H])TL

From the relationships 4-15, 4-17, and L4-18 it is seen that
the accuracy of the AHn values is governed by the accuracy
both of the Kcn values and of the equilibrium hydrogen ion
concentration [H] determined for each resultant reaction

mixture,

(b) Metal ion ligation reactions: The values of a, b,

and ¢ in equations L4-14 and L4-16 are related [L], K, » K,

I I1

and Kc and are limited in reliability by the accuracies
I1T

of these quantities, From equations 3-1, 3-2, and 3-3

2
a = (1 + KcII[L] + KGIIKCIII[L] ) /D
2
| b = (KCII[L] + KCIIKCIII[L] ) /D
and e = (K. K. [L]?) /D

ST Srry
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4 2
where D = +1+K_ [L] +K_ K (L] ceess L-19
KcI[IJ 11 °11 111

[L] was obtained from the measured [H] by using equation
3-4.

The accuracy of the experimentally determined co-
efficients a,, b,, c,, and aé in equation L4-16 was checked
by their substitution in the following equation:

T

L Tm(a2+b2+c2) + TLa'z + [L] e s s es e 0000 e L‘--zo

[ML] + 2 [ML,] + 3[ML3] +[H,L] + [HL] + [L]

An analysis was considered unsatisfactory if the addition of
the terms on the right hand side of equation 4=20 did not
give a value in the range 0.97'1‘L to 1.03TL, i.,e., if the
'"total' error was > i+3%. Generally an error of < 1.5%

was obtained.

L-2.,2 Conversion of AHn to AHg

The experimental AHn values at various ionic
strengths I were corrected to AHg values (2-2.1) by using
equation 2-17., It was assumed that the activity coefficients
for the agueous species [M(H20)6](Clou)2, [M(Hzo)uL](01ou)2,
[M(H20)2L2](Clou)2, and [MLBJ(ClOu)z were all equal, and

therefore that AHI= AHO, AH = AH? and AH 2

I 11* JHL III"
By using the approximate form of the Debye-Hiickel equation

= AH

for hypothetical ionic activity coefficients




Az?I%
-logfi = ———
1 +12

it was assumed that

1ong+ L logfHL+ =
and therefore
MH, & AHJ
and
AH, = AHS + 8.1x107

0.25 logf

X ———7

60

2+
H2L

L-21

® %98 ® 000 0080

for the ligand protonation reactions.
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CHAPTER FIVE

EXPFRIMENTAL

5-1 The Direct Potentiometric Determination of
Hydrogen Ion Concentrations

Introduction: The system used in equilibrium measurements

had the composition: ligand(RCH(NHz)CHzNHZ);

NaC10, , HC10, ; M(Clou)z, Ba(ClOu)Z. The concentrations of
NaClOu and Ba(ClOu)2 were varied to keep the total ionic
strengths of mono- and divalent perchlorates in the ratio
2:1. In determining the equilibrium concentrations of
components in such acid/base mixtures it is generally
necessary to experimentally determine the equilibrium
hydrogen ion concentration (see 3-2,2). Potentiometric
analysis of these solutions generally gives acidities in
terms of hydrogen ion activities, making it necessary to
use empirical activity coefficients to obtain the hydrogen
ion concentration (3-2.2). In most cases the coefficients
used have been those derived strictly for very dilute
solutions of pure electrolytes. Their use for mixed electro-
lytes at higher ionic strengths introduces unnecessary
errors when it is possible to measure hydrogen ion con-
centrations directly.

In this work a Glass electrode-Calomel electrode
system was rigorously calibrated to give a direct measure

of hydrogen ion concentrations rather than activities. To
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do this it was necessary to prepare buffer solutions of

known [H+]. This required accurate Kc values (e.g., Kc =

[BH*]/[HY][B] where B is a base) at given ionic strengths.
Suitable Kc values had been determined by Pinsent

and Everett.9

They measured the equilibrium constants for
the protonation of 1,2-diaminoethane(en) and 1,2-diamino-

hexane., The equilibria for en are:

en+H+ !——- enH+ ® & 0 00 00 0000 9P 0O P 000 00 0o 5_1
eI)H++H+ = em‘lg”‘ ® 0 & 58980008 00 008 0000800 00 5-2

The cell used was:

H,,Pt HC1(1) HC1(2) Pt,H, where B is the
NaCl NaCl .
B amine,

The ionic strength was kept equal and constant in each
half-cell. This was assumed to make the hypothetical

hydrogen ion activity coefficients equal for each electrode.

the e.m.f, E = - RT ., H' (1) _ _Rr . [(H*(1)]
T ) Pt (2)]

Knowing [H¥(1)], then [HY(2)] was calculated from the cell
e.m,f, This led to accurate (¢O.5%) concentration equi-
librium constants Kc for the buffer systems at ionic
strengths in the range 0.07 to 0. 30m/1.

Assumptions made in this work: For the equilibrium 5-1, K

c
is related to the thermodynamic equilibrium constant Ka by




63

1 1
- 2 z
Ka1 - Kc1‘(fenH01) / (£ ) (fyeq)

Pinsent and Everett's9 Kc values were invariant with
1
composition at constant ionic strength, showing that Harned

and Owen's ru1e11u is applicable in this multi-component

system; &
i b

o B PRI 1og-z.-A = log-—% - a121 , where fX is the
B fB

activity coefficient of A in a pure electrolyte system of
constant total molality I, and

This implies that for the buffer system 5-1, (fenHCI)/(fH01)
is constant at constant temperature and constant total I.
(It was assumed that fen=1, independent of composition and
of ionic strength within the ionic strength range studied.)
Therefore the ratio of activity coefficients for this

system is independent of composition at constant total I.
Pinsent and Everett’ also found that K, =[enH§+]/[H+][enH+]
was independent of composition at constint total I.

In this work it was assumed that the Kc values would
be constant for a multi-component system involving
perchlorates instead of chlorides; i.e., the Kc values were
assumed independent of solution composition and of the anion
at constant total ionic strength. Using these Kc values
interpolated to 25°C and to desired ionic strengths

(Table 5-1), the equilibrium hydrogen ion concentrations for




TABLE_5-1

(From the data of Pinsent and Everett9)

Concentration equilibrium constants for the step-wise

protonation of 1,2-diaminoethane at 25°C

Tonic strength, m/1 Kc1.10_9lm_1 K02.1o‘71m'1
0. 350 10.8 1.83
0.200 9.93 1.54
0.150 9.35 1,41
0.100 9.12 1,28

0.040 8.67 1.07
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en/HClOu buffer systems were found by solving the cubic:

K. .K_.[H*]] + (2K, K, .T

2
K1 )[HY]C 4+
c1 02 1 5 Cr H

+ K
L7 Teyte,
(K. 7T

¢4

g = 0O

L+ 1- KC1TH)[H+] -7

This cubic was derived from equations 3-4 and

T, = [L] + [HL] + [HZL]

Experimental: A "Radiometer 22R" pH meter was used with

Calomel reference electrode (Radiometer, type K4O1) and
Beckman General Purpose Glass electrode (Hg internals,
type LOLS5). Fluctuations in the main's voltage supply to
the meter were suppressed by using a constant voltage
transformer. The cell consisted of two compartments, one
containing the Calomel electrode in saturated KC1l solution,
the other the buffer or 'test' solution and Glass electrode.
(Fig. 5-1) Electrical contact between the two solutions was
made via a non-greased stopcock (S). To bring the 'test'
and KC1 solutions in to contact at the stopcock, a little of
each solution was run through the stopcock to the outlet (0).
The use of a stopcock is essential when using a Calomel
reference electrode with saturated KCl in solutions of low
ionic strength. Both solutions were at 25.00+0.01°C.

The sensitivity of the meter reading was increased
to +0.0005 pH units by connecting to the meter recorder
output a potential divider (200:300s) and a PYE potentio-
meter with a Tinsley Galvanometer (Type ASL/45;540«a, 2000mm.
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per microamp deflection) as null-point indicator. The
stability was +0.001 pH and the reproducibility +0,003 pH.
The magnitude of the reproducibility was mainly due to
variations in the liquid junction potential. Reproducibility
of this potential was improved by freguent grinding of the
stop-cock with fine carborundum. Although the solubility
product of KClOLL was exceeded at the stop-cock when the

KC1l and perchlorate solutions were mixed, there was no

evidence of its precipitation.

Results: Fig. 5-2 gives the electrode calibration curve for
ethylenediamine/HClOLl_ buffers in NaClOu/Ba(Clou)z media.
The data is given in the last two columns of Table 5-2. The
values on the voltage axis are proportional to the meter
reading (i.e., to —log1OaH+), and corrected to the scale
reading V=1.0700v.abs. for 0.05M potassium hydrogen
phthalate buffer. The —log1O[H+]= p[H" ]values were calcu-
lated from the data of Pinsent and Everett.’ Daily
variations in the asymmetry potential of the Glass electrode
were small and were accounted for by 'zeroing' the instrument
with a 0.05M potassium hydrogen phthalate buffer before each
series of measurements.

Assuming that the electrode system obeyed the Nerast

equation, E = E +0.0591 paH+, for the standard

calomel
phthalate and borate buffers, then the calibration curve was
found to obey E = const.+0.0598 p[H'], where 0.0598 is the

'average slope' of the slightly S-shaped calibration curve.



] i L 1 ) o b/
CALIBRATION CURVE €
St /.
& '
' ETHYLENEDIAMINE — PERCHLORIC ACID /
i BUFFER / .
of
K/
g
P
| méo
W -Log, (H*
i g,,(H')
= : ,l — e : :
= 5-00 6:00 700 ./ 800 9-00
>
Q
‘A
TB
g /
St o .
= o
_G
e lonic Strength :
o
@ 0-35 m/lL
/ a 020 7}
@ X 015 "
8 = 010
2 ' .
o
004 v

Standard Dev® =:0.006 Log,o[H']]
{ i L




67

TABLE 5-2

Equilibrium hydrogen ion concentrations (p[H]) for ethylene-
diamine-HC10) buffers in Ba(C10) ),/NaCl0, media, 25,0°C

Ionic strength Total[HC10)]Total[en] p[H'] eqbm. Vi oppt 0-0005 .

m/1 (Ty) m/1 (T;) m/1  (cale) (a:paH+)

0. 350 0.1000  0.0500 4.278 0.9602
" 0.0995 " 5.263 0.7081
" 0.09875 ! 5.66L 0.5939
" 0.,0975 ¥ 5.976 0.5012
" 0.0950 " 6. 300 0.4082
" 0.0875 " 6.776 0. 2691
" 0.0625 " 7.721 ~0.0076
" 0.0550 " 8.150 -0.1450
" 0. 0500 " 8.6LL -0. 3025
. 0. 0450 . 9.137 -0. 4406
" 0.0350 " 9.671 -0.5852
" 0. 0250 " 10,037 -0.6851
" 0. 0150 " 10,402 ~0.7855

0. 200 0.0800  0.04L00 L4.293 0.9625
" 0.0780 " 5.911 0.5252
" 0.0760 " 6.23l 0.14300
" 0.0700 " 6.711 0.2897
" 0. 0500 o 7.656 0.0133
" 0. 0440 " 8.087 ~0.1311
L 0. 0400 " 8.593 ~0. 2800

" 0.0380 Y 8.875 -0. 3699
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2 +
Ionic strength Total[HClOuJTotal[en] p[H"] eqbm. V, oppt 00005

(TH) m/1

0.0280
0.0200
0.0120
0.0600
0.0585
0.0570
0.0525
0.0330
0.0300
0.0285
0.0210
0.0090
0.0400
0.0390
0.0380
0.0350
0.0220
0.0200
0.0190
0.0140
0.0060
0.0152
0.0140
0.0100

0.

(TL) m/1 (cale)

0400 9.642
" 10.000
" 10. 365

.0300 L.337

" 5 BT2
" 6.196
" 6.673
" 8.051
" 8.561
i 8.8U6
" 9.610
. 10. 331

. 0200 L.403

" 5.828
. 6.151
v 6.628
« 8.010
" 8.533
" 8.827
! 9.598
" 10. 328
0080 6.076
" 6.553
" 7.499

( paH+)

-0.5723
-0,676L
-0.7785
0.9487
0.5344
0.L429
0. 3006
-0.1193
-0.2727
-0. 3645
-0.5629
-0.7683
0.9376
0.5443
0.4548
0.3102
-0.1047
-0.2710
-0. 3574
-0.5580
-0.7596
0.4752

0. 3352
0.0570
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1
- z
It was assumed that 1°g10(fHCIOu) would be constant
at constant ionic strength with the ratio of concentrations
of mono- and divalent perchlorates constantly 2:1. However,
had _1°g10(fHCIO ) remained constant, then the plot of

p[H*] vs. V (a:paH+) would have been linear since

1
p[H+] = paH+ == 10g1o(chloLl.)-§ s e s e e s 0o o0 5-3

Small deviations from linearity (in the observed direction)
are expected above paH+=9 when sodium ion errors become
important. Also the Kc values of Pinsent and Everett may be
slightly erroneous because they did not keep the ratio of
concentrations of mono- and divalent salts constant in each
half cell. From the Guggenheim equation,18 it is seen that
the activity coefficient of any ion in a mixed electrolyte
system at constant ionic strength, may vary with the ratio
of the concentrations of the other ions due to specific
ionic interactions.

The variation of —10g10(fH010h)% with I should, from
equation 5-3, lead to parallel calibration curves for differ-
ent ionic strengths if -10g10(fH010u)% is a function of I
only. The curves are parallel and in fact virtually
coincident. For 43 points the standard deviation
S=+0.006 p[H*] and for 30 points S=+0.004L plH*] when one
curve of best fit is drawn. The deviations from this curve
are greatest about p[Hﬂ =4.2, where n is = 2.0; the buffer

capacity is low in this region, and the p[H+] very
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susceptible to small traces of impurity.

Application of the Guggenheim equation18 predicts a
difference between 10g10(fHC10u)% at I=0.040m/1 and
I=0.350m/1 of approximately 0.02 p[H']. This should be the
separation between the calibration curves at these ionic
strengths. Therefore it can be assumed that fortuitously
the conditions chosen were such that the variations of the
fixed boundary liguid junction potential and the term

1
-1og1o(chlou)5 with I were approximately equal in magnitude

and opposite in sign.

Discussion: The coincidence of the calibration curves makes
this approach a very interesting and useful one. The
assumptions made, particularly regarding activity
coefficients, were justified by the internal consistency of
the results obtained. The method of calibration removed the
necessity to use 'absolute' activity coefficient values.

Brannan and Nancollas8 used a similar method of cali-
bration with malonic acid/sodium malonate buffers in
solutions of ionic strengths 0.03 to 0.20 m/1. The data of
Pinsent and Everett9 was the only data known which would
permit a [H+] calibration over the necessary wide range of
acidities required for studies on dibasic amines.

A Radiometer Glass electrode (Type G 202B) gave the

same calibration curve up to p[H+]=9.0. Unlike the Beckman

electrode, which has Hg internals, the Radiometer electrode
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could not be satisfactorily shielded from electrical
disturbances, viz., those at the Pt-Hg contact of a Hg-

toluene thermostatting unit.

5-2 The Reaction Calorimeter

The constant temperature environment calorimeter is
shown in Fig. 5-3. It consisted of a Dewar vessel (A)
24.5x5cm, fixed in position in a thermostatted water bath
(24.8°C to 25°C). The vessel was held by brass rods (B')
between a brass plate (B) and a wooden support (W) which was
clamped to the water bath. A tufnal disc (D) supported on
glass flanges (C) above the reaction compartment, carried
the glass mountings for the thermistor (E), resistance
heater (H), bulb support (G) and heating finger (M). The
reaction compartment had a capacity of 110mls.

The temperature measuring device was a thermistor
(E), Philips Type B8 320 03F/X 3 resistor, Ry500=3175a. It
was connected into one arm of a D.C. Wheatstone bridge
circuit (Fig. 5-4) by 28 guage enamelled copper wire leads
(F), (R=0.33a.). The thermistor leads were sealed off from
the solution with araldite. The heater (H) was approximately
20 % of cotton wound manganin wire (32a /yard, dR/4T =0) and
was wound on a hollow glass former (G). It was connected to the
'heater circuit' (Fig. 5-5) by 22 guage copper wire
(0.016.a /foot) and the leads sealed off from the solution
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with araldite. Before mounting the heater wire, its cotton
cover was impregnated with araldite; the wire was wound on
to the glass former (G) while the araldite was viscous.

The amine solution (4-5mls) was contained in a thin-
walled glass bulb (J). The bulb fitted in to the base of
the former (G) and was weighted down with a glass ring (I).
The bulbs were broken with the spikes on the end of the
glass stirrer (K). The stirrer was connected to a synchro-
nous motor (T) mounted on a base supported by springs (S).
The bulb could be broken by depressing the whole motor
housing. The synchronous motor (T) ( 1 rev/sec) had
external gearing to give 209 rev/min.

To attain thermal equilibrium between the reaction
compartment and the calorimeter surrounds, water from the
thermostatted bath was pumped through the heating/cooling
finger (L). The pump was a small centrifugal one, immersed
in the bath. The finger (L) fitted snugly in to the thimble
(M) which was permanently immersed in the reaction mixture.
During a reaction the 'finger' was completely withdrawn from
the 'thimble'; when withdrawn it still kept the polystyrene
discs (N, 0, P, Q) at a temperature close to that of the
bath. The air in the calorimeter was flushed by a slow
stream of N2 heated to the bath temperature, saturated with

water vapour, and scrubbed of O, (cr?*/ut).
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(a) The bridge circuit (Fig. 5-l4): The resistance of

a thermistor decreases slightly as the applied voltage is
increased;uja i.e., it does not obey Ohm's Law. To keep the
current through the thermistor constant, the decade box R2
and the thermistor were placed in the same arm of the bridge.
The potential across R5 and hence the current in each arm of
the bridge was periodically monitored with a PYE potentio-
meter (Cambridge, No. 27853). The total bridge current was

controlled with the Rheostat R With a current of 170.8 pA

7¢
through the thermistor, its resistance changed by approxi-
mately 1 o per pA variation in current. All resistances
other than R7 and R8 were Armstrong-Sullivan non-inductive
manganin resistances, tolerance +0.1%. The galvanometer,
Tinsley Type ASL/L5, (R; 540-A- , 2000mm deflection per (LA)
was shunted with a 1000 - resistance. The power supply was

a 2V lead accumulator.

(b) Calibration of the thermistor: The plot of

resistance vs. temperature (Fig., 5-6) was linear within
experimental error for the temperature range 24.8 to 26.1°.
The graph obeyed the equation R=a+bT, with b=—<102.14+0.06)
JL/OC. The current through the thermistor was 170.8 L A;
Ro500=3174.9610.030-; (dR/dT)25OC=—3.218 %. The calibration
curve was unchanged after four months. It has been observed
that any changes of the thermistor resistance with time are
uniform along the calibration curve, not affecting the

temperature coefficient of resistance.u3a
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FIG 5-5
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The calibration was done by placing the mounted
thermistor in a thermostatted water bath. The bath temper-
ature was recorded with a mercury calorimetric thermometer
graduated to 0.01°C and read with an eye lens to i0.001°C.

The current through the thermistor was kept low to
prevent excessive heat dissipation during thermal measure-
ments., With I=170.8 pA, only 0.00133cals/min.were dissi-
pated at 25.00°C. This heat output remained essentially
constant during a thermal reaction because the total change
in the thermistor's resistance was generally < 2% of its
initial resistance. The copper leads made a negligible
contribution to the temperature coefficient of the ther-
mistor because of their low temperature coefficient and
resistance.

A change of 0.019 in the decade box gave a 3mm
galvanometer deflection. The system was sufficiently stable
to use the galvanometer deflections to estimate changes in
resistance of +0.01.a (3 +0,0001°C).

The linearity of the calibration curve for the
temperature range 24.8 to 26.1°% gave a constant proportion-
ality between changes in temperature and the corresponding
changes in thermistor resistance within this range.

(¢) The heater circuit (Fig.5-5): R, is the calori-

meter resistance heater and RB a ballast heater of similar
resistance immersed in an oil bath at 25°C. Rc was

necessary for experiments to measure the thermal capacity




75

of the reaction mixture/calorimeter assembly after each
chemical reaction studied. The power supply was a lead
accumulator, 2-12V depending on the heat input required to
make AT(calibration) = AT(reaction). To stabilise the
voltage supply, the batteries were discharged through RB
for at least 30 min. before supplying heat to the
calorimeter,

A.B.C. is a microswitch operated by a revolving cam
attached to a synchronous motor (Venner Type M, 1 rev/120
secs). When the synchronous motor was switched on, the
revolving cam depressed the micro-switch for a known period
of time and switched the current from RB to Ry and the
resistances in parallel with it (R2+R3). The cam was
allowed to make one revolution only. The period of heating
through R4, (62.049+0.012 sec) was determined by connecting
terminals A.C. on the microswitch to the mains supply via a
variac and 10K potentiometer, and counting the main's
frequency with a scaler unit while the cam made several
revolutions.

(d) The thermostat bath: It was small and well

stirred and the temperature controlled with a mercury/
toluene regulator. Heat losses were reduced by floating a
thin layer of paraffin oil on the water. The sensitivity of
the regulator was increased by using a large volume of
toluene with a large surface/volume ratio, and by making

the bore (A) (Fig. 5-7) very narrow. Good stability was
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achieved by floating some non-conducting oil (B) on the
surface of the mercury to prevent discharge between, and
thus contamination of the Pt wire (C) and the mercury. A
fine pitch on the screw (D) gave sensitive control of the
bath temperature.

(e) Thin-walled glass bulbs were blown from pyrex or

soda glass and were of 5ml capacity. They were filled via a
syringe or drawn-out pipette, sealed with a small rubber
tube and glass stopper, and their contents determined by
weight. When pierced, Pyrex bulbs broke into two or three
large pieces with a heat of bulb breaking QB £ 0,05cal.
Soda bulbs broke into a vast number of small fragments,

Qg ¥ -0.015cal.

(f) The procedure: The agueous diamine solution was
contained in the bulb (J) (Fig. 5-3). The solution composed
of M(Clou)z, Ba(ClOu)2/H01Ou, NaClOu, made up the bulk of
the reaction mixture and was placed in the Dewar by pipettes _
and a burette with a long nozzle. The volume ratio of the
two solutions was kept constant for similar reactions
(usually L4 ml:90 ml), so that the heat of dilution of the
diamine solution into the perchlorate medium (Ba(ClOu)z/
NaClOu) had to be determined once only for each series of
reactions. The whole internal assembly of the calorimeter,
with bulb in place, was lowered in to the Dewar, and the
centrifugal pump and stirrer motor started. Equilibration

of the interior to bath temperature took 8 to 10 hours
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(overnight) by using the heating finger (L.). The equi-
libration time was reduced to approximately four hours by
using the calorimeter resistance heater for the initial
period of heating.

When the system was at thermal equilibrium, the
heating finger was removed from the thimble. A slow fall in
the temperature of the reaction mixture followed, (approxi-
mately 0.00015°C/hin). This was recorded for several minutes
before breaking the bulb. Mixing of the diamine and per-
chlorate solutions was complete in 10 to 15 sec, and a
cooling (temperature-time) curve rlotted for approximately
LO min after 'mixing'.

Before measuring the thermal capacity of the system
by input of a known amount of electrical energy, the calori-
meter was again equilibrated to bath temperature by using
the cooling finger (L). Two temperature-time curves (before
and after heating) were plotted for the calibration run.

(g) Cooling-curve extrapolations: In making cooling-

curve extrapolations to the time of mixing, (see Fig. 5-8),
it was assumed that Newton's Law of cooling for heat loss by
radiation and conduction was applicable, i.e.,

aT/dt = Ik, (T, - T),

because of the small temperature difference (Ti'To) between
the inside and outside of the calorimeter vessel. For the

period of uniform heating during the calibration run, it
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was assumed that the average rate of loss of heat was equal
to k1.(T2—T1)/2. T, and T, were the temperatures at the
start and finish of the heating period respectively, as
found by cooling-curve extrapolation.

(h) Calculation of the thermal energy of reaction:

During the heating period the potentials VAD and VEF
(Fig. 5-5) were measured. From these were calculated the
current through and potential across Rc’ hence the heat

liberated by the resistance heater. If Itot.’ IEF’ LRC, and

v are the total current through the system, the current

R
C
through R3 and RC, and the potential drop across RC

respectively, then

. _ Y I . Jmr
Bob. R1 EF R3
- Yo _ Ve
RC R1 R3

v

ER
V. = —=— (R, + R,)
RC 3 2 3

and the thermal energy liberated by the heater in At

seconds is = V, .I At/L. 1840
R RC

v V. V.
AD ER EF At
The thermal energy of reaction QR was equated to the

electrical energy input by
AR

QR = Q!'I . -TR';R{- (See Figo 5-8, 5—9)00000.0 5-5
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5-2.1 The heat of neutralisation of agueous NaOH and HC1:

This was measured to test the reliability of the
calorimeter. The concentrated (1.121M) NaOH solution
(VNaOHml) was contained in the bulb. A slight excess of
0.04827M HC1 solution (VHClml) was used to ensure a complete

reaction. The results are given in Table 5-3.

TABLE 5-3
Run Vi o.ml Viqml A% (gopp) - bHp - AHC
(1.121m/1) (0.04827m/1) (cals) ke/m ke/m
1 3.855 89.560 58.59 13595 13.44
2 3.983 92.500 60.20 13.49 13.38
3 3. 361 78.050 50.73 13.4L7 13. 36
N 4. 020 93. 355 60.93 13,52 13,14
5 3.792 88.075 56.98 13,41 13. 30
6 3,986 92.585 59.6L4 13,36 13.25

AHZV= -(13.36+0.06)kcals/mole

AQR(corr) was the heat liberated in the neutralisation
reaction, and was obtained from
( ARR

A9 (corr) TRy ° AQy ) ~Qp sesccescescas 56

= AQR - QB , Where QB was the
'heat of bulb breaking'.

AHRwas the enthalpy change per mole for the reaction and

was calculated from AQ’R(corr):
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- ) 1000 AQR(corr) B 1000 AQR(corr)
R = -
V.C [NaOH]VNaOH
1000 AQR(corr) e e v 0 5-7
[HC1] Vg
where V = VNaOH + VHCl
[NaOH] = the initial concentration of NaOH before
reaction, etc.
i o [NaOH] Vi o [HC1] Vie1
- B v
VNaor*VHC1

AHR contained a term for the heat of dilution of the NaOH
stock from 1.121m/1 to 0,04628m/1. (AHD(NaOH)) and a
smaller term for the heat of dilution of the HC1l solution
from 0.04827m/1 to 0.0L4628m/1. (AHD(HCI)). Thus AHp is
related to ISHN the enthalpy change for the neutralisation
reaction at an ionic strength I=0,0463m/1 and mole ratio of

reactant to solvent water = 1:1200, by

AHp = BHy + BHp(naon) * BHp(pe1)

= AH,, + AH

N D(NaOH)

AH®  is the enthalpy change per mole when the reactants and
products are in the hypothetical standard state of an
infinitely dilute solution. AH° was obtained from AHN
by considering the following enthalpy cycle in which, for
example, NaOH(1200H20) refers to an agqueous NaOH solution

with a mole ratio of NaOH:H20 = 1:1200.
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AHO

NaOH(ooHZO) & HCl(ooHZO) > H 0 + NaCl(oeH2O)

IAH1 IAHQ “ OH 5
AHyg

NaOH(1200H20) + HC1(1200HC1) - HO + Na01(1200f120)

AH AH AH3 are enthalpies of dilution and were obtained

1’ 2’
from N.B.S. data6u for partial molal heat contents of the

aqueous solutes:

NaOH(12OOH2O) + o HO = NaOH(oono) A, = -97cals/m
HCl(1200H20) + o H0 = HC1( ooHQO) AH, = -99cals/m
NaCl(12OOH20) + woH,0 = NaCl(ooHZO) AH3 = =71cals/m

also from this data,
NaOH(50H2O) ) (1150H20) - NaOH(1200H20)
AHD(NaOH) = 14cals/m

0 — -
Therefore, AH = AHN + AH3 AH

Aﬂk - AHD(NaOH)'+ AH3 - AH1—AH2

= AHR + 110cals.

- AH

1 2

.
o

The average AEC value obtained was AHgv = —(13.3610.06)
kcals/mole. Values obtained by other workers are in the

range -(13.34 to 13.36110.02kca13/h01e.u1’115'8

5-2.2 Discussion
Slow thermal equilibration has been the main dis-
advantage in using Dewar vessels for calorimetry. This

problem was overcome by incorporating the heating/cooling
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finger. The high thermal lag was then an advantage for
obtaining cooling curves which could be accurately extra-
polated because of their small slope.

Thermistors are most satisfactory devices for
measuring small temperature changes near room temperature.
They have low thermal inertia and are readily calibrated,
R vs. T. Because of their large temperature coefficient of
resistance, very accurate or sensitive bridge circuits are
not required, (cf. Pt resistance thermometers).

Over long periods (up to two days) there was no
evidence of evaporation and condensation within the
calorimeter vessel.

In subsequent measurements, it was found that a
smaller temperature change (T2—T1) for a reaction improved
the accuracy of the cooling curve extrapolation. The

optimum value of AQR was approximately 20 calories.
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residues filtered off. IV separated from the filtrate on
standing. The yield was increased by evaporating the
alcohol residues to dryness, taking up the solid in iso-
propanol and precipitating IV with ether. The product was
recrystallised from absolute alcohol by Soxhlet extraction.
Yield from 20gm of III, 16.5gm (62.5%). M.pt. 168-9°C,

(1it.128

186-700). The product obtained was recrystallised
three times from absolute alcohol, but the M,pt. was
invariant. CHB.CHZ.CH(NHZ).CHZ.NH2.2HCI requires C1,

44,02, Found C1, 43.93 ,

5-3.2 1-Dimethyl 1,2-diaminoethane dihydrochloride

a acetamino isobutyric nitrile (CH3)2C(CN)NHCOCH I

3
was prepared on a 3 mole scale. NaCN (38gm) and NHhCI
(4LOgm) were dissolved in 200ml of water, and 55ml of acetone
were added. The mixture was left 48 hours at room temper-
ature. The o-amino isobutyric nitrile formed was liquid-
liquid extracted with 4OOml of ether (8 hours), and then
acetylated by addition to the ether solution of a mixture of
120ml acetic anhydride/4120ml glacial acetic acid. The white
solid I quickly crystallised and the yield was increased on
cooling and addition of ether. I was recrystallised once by
Soxhlet extraction into ether., Yield 47gm (50%). M.pt.
102°% (11t.729 106%).

I was converted to 2-methyl 1,2-diacetaminopropane II

by catalytic hydrogenation in acetic anhydride solvent.
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32gm of I were dissolved in 90ml of acetic anhydride and
0.20gm of PtO2 catalyst added; hydrogen uptake was complete
in 10 days at 1 atmosphere, 20°C. The Pt residues were
filtered off and the acetic anhydride removed under vacuum.
The viscous residue containing II was dissolved in 120cec of
50% alcohol/concHC1l, and the mixture refluxed for 24 hours
to hydrolyse the acetyl groups off the diamine. 70% of the
solvent was distilled off under vacuum to leave a brown
viscous solution. From this solution 2-methyl 1,2-diamino-
propane dihydrochloride III crystallised on cooling, and
was filtered off. The yield was increased by evaporating
the filtrate (water bath) until a tarry residue remained;
this residue was dissolved in a small volume of methanol.
Acetone was added until crystallisation commenced and the
solution was cooled. Yield of crude material 29gm. (72%
from I). III was extracted with absolute alcohol to remove
tarry residues, then twice recrystallised by Soxhlet
extraction into 25% aqueous alcohol. M.pt. 29u°C, darkens
285°%C, (1it.7%7 303°C).  2-methyl 1,2-diamino propane di-
hydrochloride requires C, 29,83; H, 8.76; C1, Ll.,02.
Found C, 29.86; H, 9.19; C1, L3.43).

An attempt to convert II to 2-methyl 1,2-diamino-
propane IV by alkaline hydrolysis in 15% NaOH (120°C, sealed
tube) followed by ether extraction of IV and conversion to

its dihydrochloride gave only a 20% yield.
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5-3.,3 1-Phenyl 1,2-diaminoethane

a-amino phenyl acetonitrile I was prepared by a

130 c1

NaCN (100gm) and NHM

method based on that of Steiger.
(118gm) were dissolved in LOOml of water in a 31. round-
bottom flask equipped with a Hershberg stirrer. Benz-
aldehyde (212gm) in L4LOOml of methanol was added in one
portion and the mixture stirred for three hours at room
temperature using a well ventilated hood. The mixture was
then diluted with water (11) and I extracted with benzene
(4x100ml). The bulk of the solvents were removed under
reduced pressure (rotary evaporator). I was converted to a
acetamino phenyl acetonitrile II by slow addition of acetic
anhydride (200ml) to the ice-cooled mixture. IT crystal-
lised immediately, was filtered and washed with ether.
Yield 105gm, 62%. M.pt.(crude) 100-2°C. Benzaldehyde
impurities were removed from II by twice recrystallising
from benzene. M.pt. 109°C (1it.'3' 113%%).

IT was reduced to a.,B-diacetamino phenylethane III
by catalytic hydrogenation. 34gm of II with 0. 30gnm Pt0,
catalyst in 100ml of acetic anhydride, were hydrogenated in
nine days at 2000, 1 atmosphere. White crystals of III
separated during the reaction. The product was dissolved
by heating and addition of acetone, the Pt residues filtered

off and the filtrate concentrated under vacuum to give a

viscous residue containing III.
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To hydrolyse III to 1-phenyl 1,2-diaminoethane
dihydrochloride IV, 50% concHC1l/alcohol (80ml) was added and
the solution refluxed for three hours. The bulk of the
solvent was distilled off, 4Oml of isopropanol added and the
azeotrope distilled. The residues were taken up in hot iso-
propanol and IV crystallised on standing. The product was
filtered and the filtrate evaporated to dryness (water bath),
the solid residue taken up in hot anhydrous acetone and a
further yield of IV crystallised on cooling. M.pt.(crude)
293—&00. (Three hours of acid hydrolysis was excessive
because some tarry residues resulted.)

IV was recrystallised twice by Scxhlet extraction
into absolute alcohol. Yield, 17.1gm, 52.5% based on II.
M.pt. 297.5-299.5. (1it.'52 300-1(d)) 41-phenyl 1,2-diamino-
ethane dihydrochloride requires C, 45.94; H, 6.75; C1l, 33.91.
Found C, 45.75; H, 7.00; C1, 33.73 .

To obtain the diamine, IV (17.1gm, 0.081moles) was
dissolved in 25ml of water and AnalaR NaOH (6.55gm, 0,162
moles) added. 1-phenyl 1,2-diaminoethane was distilled

under a N, atmosphere, b 136-8°C, b33 141°¢. (lit.133

29
b19 135°C) Yield, determined by titration of the agueous

solution obtained, LO%.

5-3.4 1-Methyl 1,2-diaminoethane

A sample (L.Light and Co.) was purified as the
sulphate salt and distilled from alkali under reduced pres-—

sure, N, atmosphere,
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5-4 Chemicals

a)

b)

c)

d)

e)

£)

Potassium hydrogen phthalate: An AnalaR sample, (99.6%)

was used as the primary standard in acid-base titrations.
Water: The water used in the preparation of all
solutions, other than HC1l and HClOu, was distilled,
freshly boiled and saturated with N2 while cooling.

p[H'] = 6.4.

Sodium hydroxide: Carbonate-free NaOH was made by the

method of Vogel.13u It was standardised against
potassium hydrogen phthalate using phenolphthalein
indicator.
Acids: HC1 and HClOu solutions were prepared by
dilution of concentrated AnalaR reagents. They were
standardised against a sample of standard alkali by
electrometric (pH meter) titration to pH 7.O0.
Amine solutions: A sample of the distilled aqueous
solution was quantitatively diluted to approximately
0.1m/1. This solution was standardised by running an
aliquot into excess standard HC1l and back-titrating with
standard NaOH to the end-point for amine neutralisation,
=z pH 4.0-4.4. The electrometric titration was followed

graphically.

Barium perchlorate: Ba(ClOu)2 (B.D.H. ) was crystallised
from distilled water, removing insoluble residues by

filtering the hot solution through 'hyflo super cell'.
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The stock solution was analysed for Ba't (BaSOLL gravi-
metric) and for [H'] (by p[H'] measurement, [H'] < 2.5x

10 %m/1).

Sodium perchlorate: NaClOu (B.D.H. ) was recrystallised

from distilled water. The stock solution was analysed
for NaClOu by density measurement81 and for HClOu by
p[H*] measurement. ([H*] < 10—6m/1).

Nickel perchlorate: This was prepared from HClOu and
Ni(COB)Z’ Ni(OH)2 (B.D.H.), and twice recrystallised
from distilled water. The stock solution (0.1147m/1)
was analysed for Ni2+ using dimethylglyoxime, and for
HClOu by p[H'] measurement (H'] =2.500x10—3m/1) and by
pH titration with very dilute alkali ([H'] =(2.456+0.025)
x10 2m/1).

Copper perchlorate: This was prepared from HClOLL and
Cu0. It was recrystallised from 10% agqueous acetone
solution, and Cu(OH)2 removed from the hot solution by
filtration through 'hyflo super cell.' The stock

solution (0.3223m/1) was analysed for Cu2+

by electro-
lytic deposition. It was made acidic (1.098x10-2m/l) by
quantitative addition of standard HClOLL to prevent preci-

pitation of basic copper salts.
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CHAPTER SIX

THE PROTONATION OF 01—SUBSTITUTED 1,2-DIAMINO ETHANES

6-1 Experimental and Results

6-1.1 The standard free energy change

AG° was obtained from the thermodynamic equilibrium
constant K, by the relationship 4G° = -RT1nK_ ,
(equations 2-8,9).

For a series of ionic strengths, solutions containing
different compositions of acid (HClOu) and base (L) were
prepared. (See formulation in 4-1.3) These solutions were
analysed potentiometrically to measure the equilibrium
hydrogen ion concentrations at 25.00+0.01°C (see 5-1),

using the cell:

Calomel Saturated || Base (TL)
Glass
Reference [ KC1 HC10,, (TH)
Total ionic Electrode
Electrode NaClOu
strength=1
BaClOu

(see p. 65 and Fig. 5-1). The results for the base 1-methyl
1,2-diaminoethane are given fully in Tables 6-1 and 6-2.
From this type of data, formation curves (n vs. [H] eqbm.)
were plotted (Figs. 6-1, 6-2), and from these curves values
of [H]n = n-+ were obtained (see L-1.1). The concentration
equilibrium constants X, were derived from [Hln = n-%

values using Bjerrum's method of successive substitutions
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TABLE 6-1

'Formation Curve' experimental data for the protonation of
1-methyl 1,2-diamino ethane at 25.0Qi0.01°C
The first protonation constant

Ionic - Equilibrium Ionic o Equilibrium

strength T [H*+]x1010 strength ©  [H+] x1010
(m/1 (m/1) (m/1 (m/1)

0. 350 0.450 1.127+0.016 0.100 0.450 1,371+0.019
u 0.480 1,288 18 » 0.480 1.549 21
" 0.500 1.387 19 ol 0.500 1.675 23
" 0.505 1.396 20 " 0.505 1,730 24
" 0.520 1.479 21 " 0.520 1.799 24
" 0.550 1.671 23 " 0.550 2.094 29

0.200  0.450 1.227+0.016 0,040  0.450 1.517+0,010
" 0.480 1.377 19 " 0.480 1,698 20
! 0.500 1.479 21 " 0.500 1.884 26
" 0.505 1.503 20 " 0.550 2.239 31

" 0.520 1,607 22

" 0.550 1.807 25

0.150  0.450 1.306+0,018
d 0.480 1.442 20
. 0.500 1.578 22
" 0.505 1.618 22
" 0.520 1.710 2l
A 0.550 1.910 26
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'Formation Curve' experimental data for the protonation of
1-methyl 1,2-diamino ethane at 25.00+0.01°C

JTonic

strength

(m/1

O.

350

n

n

1.450
1.480
1.500
1.520
1.550
1.600

1.450
1.480
1.496
1.500
1.520
1.550

1.450
1.480
1.496
1.500
1.520

1.550

The second protonation constant

Fyae
(m/1)
0.8834+0., 006
0.984 7
1.054 8
1.178 11
1.312 9
1.607 15

1,012+0.007

1.127 11
1.211 8
1.239 8
1.340 12
1.531 11

1.081+0.013

1.208 11
1.291 12
¥ =357 12
1.445 17

1.614 20

Ionic

strength

(m/1

O.

100

"
"

1"

n

1.450
1.480
1.496
1.500
1.520
1.550

1.450
1.475
1.475
1.500
1.525

B
(m/1)
1.153+0.008
1.303 12
1.400 16
1,042 10
1.574 11
1.795 21

1.141340, 009

1.521 17
1.549 18
1.722 16
1.862 15
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(see L4-1.1).

The values of Kc for each of the amines in solutions
of various ionic strengths are given in Table 6-3%. The
values for 1,2-diaminoethane are also given in this Table
(from the data of Pinsent and Everett?).

Log Ka values were obtained by extrapolation of
logK , to zero ionic strength (Figs. 6-3 to 6-6, see p.51 ).
The relationship

1 - Lt. I
ogK . _130 (1ogKc + fnI)

was assumed (equations 2-8, 9). For each equilibrium

studied (except H' + pn = Hpn') it was found that

1

z
Logk, = Logk_ K - ==+ + p'I
2 ¢ 4417

1 1
where B' £ 0 and B'I << I2/(1+12)

To check the extrapolations of log‘Kc to zero I, plots of
both logK, vs. I%/(1+I%), and loch-I%/(‘HI%) vs. I were
made. For a given reaction each plot gave the same inter-
cept on the axis I = 0. (See Figs. 6-3 to 6-6.) LogK
values are given in Table 6-3. Values of

AG° = -2, 303RT logK

are given in Table 6-6.
Errors: Errors in p[H] were assessed as +0.003 to 0,005
units, Errors in Kc and Ka values were assessed as

+(1.0 - 1,5)% for K, and +(0.5 to 1.0)% for K.
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6-1.2 The enthalpy change

AH was measured calorimetrically (see 4-2, 5-2).
The resultant solutions and numerical data from calorimetric
runs were analysed according to the methods outlined in
L4-2(a) and 5-2(h) respectively.

The experimental data is given in Table 6-4. In this

Table,
(1) AQR(corr) = AQR(reaction) - Qp
where QB was the heat of bulb breaking
(see 5-2(e) and equation 5-6)
(ii) AH

m(meas'd) is related to the endothermic heat
change -q cals. per mole of metal ions:

AH = -q - OH = a' AH1 + b'AH

m diln 2

= a' AH? 4+ ©b'AH, (see 4-2.2 and Table 6-5)

1 2

(a) AHg,1, Was the heat of dilution of the diamine
stock solution (from the glass bulb) into a neutral
Ba(ClOu)z/NaCIOu medium to give a diamine solution,
concentration Ty . (Table 6-4) The ionic strengths of these
diamine solutions were the same as those obtained in all the
corresponding neutralisation runs for which n was << 1.

With n > 1 di-ammonium ions were formed, altering the total
ionic strength of the mixture. The effect of this change in
ionic strength upon AH1 and AH2 was accounted for by

applying equation 4=21.
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(v) AH2 was converted to AHS by considering

equation 4-21, viz:

o 2, = o
AH, = AH, + 8.1x1072AI%2/(1+417) = AH, + &,
giving
1 _ [} O ' (o]
AHm-bé = a AH1 + b AH2
and
) b' o) o)
AH g+ a'AH2 = ZniAHi

= AH‘?"'b"AHg ® 0 9 5 9 2 0 0 BB 0P B9 e e e 6_1
(See Table 6-5)

The two values of AH n listed for 1-methyl 1,2-

dail
diaminoethane resulted from using two separately prepared
samples of the agueous amine stock solution. The discre-
pancy could not be accounted for, the two samples giving

comparable results for the neutralisation reactions; cf.,

runs 5 and 9, Table 6-5.

o}
1

from the data in Table 6-5 by two methods:

The AH; and AHg values in Table 6-6 were derived
(a) by solution of pairs of the simultaneous equations

o) _ 0 " o
ZniAHi = AH1+-b AH2

E.g., for the neutralisation of 1-methyl 1,2-diaminoethane,
the values obtained from combinations of data for runs 1+5,
2+5, 146, 246, 3+6, L+6, 1+7, 247, 3+7, L+7, 8+7, 846, 149,
2+9, were - AH; = 12,15, 12.12, 11.86, 11.86, 11.86, 11.86,
11.85, 11.85, 11.85, 11.85, 11.85, 11.86, 12,05 and 12.02

kcals/m, and - AHZ = 9.44, 9.62, 9.73, 9.88, 9.55, 9.57,




Calorimetric data continued from Table 6-L4
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Diamine Run  AHp=a'A H+b' AH, 2 niAH:c-L’=a" A H$+b" A HS
No. 5" b AHm gl " zni A Hi
1-methyl 17 1.,0000 1.000 -21,277 1.0000 1.0000 -21,591
1,2-diamino-
ethane 2 1.0000 1.0000 -21,425 1.0000 41,0000 -21,739
3 0.9994 0.5821 -17,235 1.0000 0.5825 -17,424L
L 0.9994 0.5007 -16,492 1,0000 0,.5010 -16,650
5 0.9966 0.1816 -13,767 1.0000 0.,1822 -13,870
6 0.9291 0.0152 -11,161 1.0000 0,0164 -12,016
7 0.5926 0,0011 -=7,035 1.0000 0.0019 -11,870
8 1.0000 0.8492 -19,778 1.0000 0,8492 -20,043
9 0.9961 0.1741 =-13,614 1.0000 0.,1748 -13,720
1-ethyl 10 1.0000 1.0000 -21,105 1.0000 1.0000 -21,374
1,2-diamino-
ethane 11 0.9857 0,0583 -11,917 1.0000 0,0591 -12,105
12 0.9570 0.0201 -11,088 1.0000 0,0210 -11,591
1-dimethyl 13 1.0000 1,0000 -21,150 1.0000 1,0000 -21,412
1,2-diamino-
ethane 14 1.0000 1.0000 -21,210 1.0000 1,0000 -21,472
15 0.9967 0.1263 -13,001 1.0000 0,1267 -13,066
16 0.9600 0,0133 =11, 369 1.0000 0.0139 -11,847
1-phenyl 17 0.998 0.7896 -19, 321 1.0000 0,7898 -19,454
1,2-diamino-
ethane 18 0.9819 0.0706 -11,671 1.0000 0.0719 -11,896
19 0.9636 0.0364 -10,893 1.0000 0,0378 -11, 309
20 0.,9907 0.1243 -12, 328 1.000 0.1255 =12,474
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9.74, 9.89, 9.57, 9.58, 9.65, 9.6L4, 9.54, and 9,72kcals/m
respectively. These results were then averaged and a
standard deviation calculated.

(b) AH? values were obtained graphically by plotting
ZniAHi = AH? + b" AH; vs. b", and extrapolating to b" =0,
In each case linear graphs were obtained (Figs. 6-7, 8).
Substitution of AH? into equation 6-1 gave a series of

AHg values,

These methods gave comparable AH? values, e.g., for

1-methyl 1,2-diaminoethane, by method (a)

- AH? = 11.92kcals/mole, - AHS = 9.65kcals/mole;
by method (b)
- AH? = 11.85kcals/mole, - AHg = 9.69kcals/mole.

AH;)_2 could be obtained directly from measurements
for which T = 2,000.
Values of AS?_were obtained by using the equation

o _ o _ o
AGi = AHi TASi .

6-1.3 Uncertainties in AH? values

In treating the experimental data, no approximations

were made until after the solution of the pairs of simul-

(¢]

taneous equations (equation 6-1). The errors guoted on AH,

and AHg are the summation of two errors:
(i) the standard deviation on the average AH? values
obtained from equation 6-1,
(ii) the titration error in analysing the stock diamine

solutions, +0.3% (5-4(e)).
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6-2 Discussion of Results

For the protonation of the alkyl substituted ethylene-

diamines there is no apparent relationship between AG? or
AH? values and the expected influences of the inductive
effects operating from the C,-alkyl chains. A'+I' effect
operating from an alkyl group would help to stabilise the
ammonium ion formed in the protonation reaction: viz.,
R—>->-(:J—>—ﬁ relative to the case for 1,2-diaminoethane
H-C - N. (For all the amines the -NH, and —ﬁHj groups
will exhibit a -I effect.) The electron displacement would
firstly increase the donor power of the amino nitrogen atom
and secondly help to decrease the positive charge which is
on or near the most electronegative atom (N). If these

'+I' inductive effects make important contributions to the
amine basicities, then the series of AH? values predicted *
would be - AH? for i-bn > eten > pn > en, * The same order
might be expected for the - AG? values if no highly specific
entropy effects are involved. However, for both these state
functions the inverse order is observed. The inductive
effects of the alkyl substituents R' in NHZCH(R')CHZNH2 do
not contribute significantly to the amine basicity because
R' is separated from the amino group by a saturated carbon

atom. The same applies for the structurally similar mono-

+ On the basis of relative +I tendencies of alkyl groups
listed in Ingold, Ref. 21, p. 71.

* For abbreviations see list on p.ii.
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amines RCH(R')NHQ. e.g., pka = 10,60+0.04 when R = H-,

CH -, or CH,CH,CH,- while R' = H, and when R = CH - or
3 372 00 3

CHBCHZ- while R = CHB-. However when the substituents are

coordinated directly to the N atom inductive effects may be
important, e.g., typical AG values for protonation of ali-
phatic amines RNH2 and RR'NH are -14.7 and -15,2 kcals/mole

respectively. o

6-2.1 The free energy change

AG® = —RTana where Ka is the thermodynamic equi-

librium constant for the amine protonation reaction when all
reacting species are in the hypothetical state of infinite
dilution.

1-phenyl 1,2-diaminoethane: The relatively low values of

- AG? and - AGS for the protonation of 1-phenyl 1,2-diamino-
ethane (a comparatively weak base) suggest that for this
molecule the strong inductive (-I) influences of the aryl
substituent (operating against the '-I' effect of the 19
amino nitrogen, Ar <« C——N) may contribute significantly
to decrease the basicity. A lowering of electron density
about the amino nitrogen renders it less capable of co-
ordinating a proton in the neutralisation reaction. The
effect of this aryl '-I' influence should be apparent in

the enthalpy term, as is the case for AH?. However, the

a. From data given in Ref. 20, p. 313.
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low - AG? values for 1-phenyl 1,2-diaminoethane protonation
are as much a result of low entropy changes as of low
enthalpy changes (relative to 1,2-diaminoethane or its C1—
alkyl derivatives). (See 6-2.2 and 6-2,3(c))

The bulk of the alkyl substituent: In a general sense the

basicity of these amines decreases with the increasing bulk
of the substituent chain on the basic ethylenediamine unit.
This decrease arises mainly from lower entropy changes for
the protonation of the larger ligand molecules. These
results may be compared with those for the acidities of the
methyl- substituted acetic acids. Methyl substitution leads
to weaker acids; i.e., the tendency to dissociate into ionic
species is in the sequence: AG? for acetic > CHBQHZCOOH >
(CH3),CH.COOH > (CH;),C.CO0H. As pointed out by Ingold,?

such sequences agree with the recognised electropositivity

of the alkyl groups in carboxylic acids, i.e., the greater
ease with which, relative to hydrogen, they yield electrons
towards an electron-attracting centre (-COOH). However,
Allan and Wright52 show that the strengths of these organic
acids differ mainly because of differences in their entropies
of ionisation which are lower for the more highly substituted
acetic acids. Therefore for both these molecular systems

the entropy change for formation of an ionic centre close to

a non-polar alkyl residue is unfavourable, the magnitude

a. Ref. 21, p. 73L.
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depending on the "bulk" of the substituent group.

The relationship - 4GS < - AGY is typical for the
protonation of dibasic amines, and arises from the lower
enthalpy and entropy changes for the addition of the second

proton (see 6-2.2, 6-2,3),

6-2.2 The enthalpy change AH?

Except for en, the values for AH$_2 are constant

within experimental error (see 6-1,3). Therefore the trends
in AG?_2 values arise predominantly from decreased entropy
changes for the protonation of the larger 1,2-diamino
molecules,

The - AH?_2 value for 1,2-diaminoethane is > 1kcal/
mole higher than the values for the C-substituted 1,2-diamino-
ethanes. This may be due to a solvent shielding effect.

For the C1-substituted 1,2-diaminoethanes, the substituent R
prartially shields the solvent from the ammonium ion. This
shielding does not occur when R = H (1,2-diaminoethane), and
therefore AH$_2 for 1,2-diaminoethane should contain a
comparatively larger exothermic term arising from the orient-
ation of solvent molecules about the ammonium ions. Hence
the higher wvalue of-—AH?_2 for 1,2-diaminoethane compared
with its C-substituted analogues. However, on this basis a
1ower-—AH$_2 value than observed would be expected for
1-dimethyl 1,2-diaminoethane. Also this enthalpy effect is

not shown for the ionisation of the C-substituted acetic
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acids, although solvent orientation about a negative ion
€00~ ) will be much less than that about a positive ion
(-NH3).

The relationship - AHS < - AH? is typical for the
protonation of dibasic amines and arises from two main
factors: (i) the high electronegativity of the cationic
group -NH% lowers the electron density about the second
amino group through an inductive electron transmission and
decreases its donor power,

(ii) from the contribution to AHg of an endo-
thermic term for the intramolecular interaction of the two
ammonium ions, -NHB.

For the protonation of the C

1
ethylenediamines, both - AH? and - AHZ are relatively

-alkyl substituted

invariant and independent of any inductive effects of the
alkyl substituents. The separation of the alkyl groups from
the -NH2 group diminishes the effect of their +I inductive
tendencies on the amine basicity. But for NN'-dimethyl

1,2-diaminoethane, 2°

- AH,=12.Lkcals/mole. Compared with
the value for 1,2-diaminoethane - AH1=11.9kcals/mole, this
may* indicate that at shorter separations, the '+I' effect
of an alkyl substituent contributes significantly to the

coordinating power of a nitrogen atom.

* The AH® for NN'-dimethyl 1,2-diaminoethane was derived28

by the temperature coefficient method §see 2-2.3; and
may be subject to a large uncertainty. see 3-3.1
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1-phenyl 1,2-diaminoethane protonation seguence: For 1-

phenyl 1,2-diaminoethane protonation, the low - AH? value

may be a result of the strong '-I' tendency of the phenyl
group. The first proton is probably coordinated mainly by
the nitrogen atom.(Nz) more remote from the electronegative

phenyl group: *

Ar -<-<—(:3—<—(:3—‘—N6(%) (relative to H ('J (:3 N(2))
5+ N(1) §(1)
(Substituent inductive effects diminish with distance from
the centre of electron induction. Suggested transmission
factors range from 0.33 to 0.53 for each atom in the
chain.zo) The second proton will then be coordinated mainly
by N1 which is closer to the phenyl group. The latter then
behaves as an electron 'reservoir' (+I), increasing the
electron density on the nitrogen atom (N1) and stabilising
the ammonium ion. This stabilisation accounts for the
relatively high value observed for - AHO. (Note, the phenyl
group is empirically assigned electron withdrawing
properties relative to the hydrogen atom in a neutral
compound, 06H5-CR3, H-CRB, and could show marked '+I'

effects when situated close to a highly electronegative

+ This is substantiated by the logK values derived from
Perrin and Clark's empirical data.20 For N(2) protonation,
predicted logK=9.17, for N(1), logK=8.57. i.e., the pre-
dicted egqbm. constant for the formation of the 4N(2)H3
ion is approximately four times greater than that for
the formation of -N(1)H%.
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+ sk
group, e.g., _NHB')

6-2.,3 The entropy change

(a) Correction for statistical terms: Ethylene-

diamine has two equivalent amino groups with equal proton
affinities, Therefore AS? contains a statistical term
+R1nz2(=1.4Le.u.). Asg for ethylenediamine contains a
statistical term -R1n2, because the diprotonated species
contains two equivalent ammonium ions each equally capable
of losing a proton.

Empirical and experimental data suggest that the two
amino groups in 1-phenyl 1,2-diaminoethane do not have
similar base strengths. The first proton added to the
diamine may be coordinated mainly by the —N(2)H2 group
(ef., the logKk values for protonation of the monoamines;
CgHiCHNH,, EN(1), 9.34: CgHCH,CHNH,, = N(2), 9.83. /)
Therefore AS? and ASS for protonation of this amine
probably contain negligible statistical terms.

For the amines 1-methyl, 1-ethyl and 1-dimethyl
1,2-diaminoethane, the N(1) and N(2) amino groups probably
exhibit similar, though not equal, basicities. (The rela-

tive basicities of these groups are considered in 6-2,3(c)).

* This is substantiated by the Taft c*values: -NH,, +0.62;
CgHg=-, +0.60; (CH3) CHo-, +1,90.20 These are a fleasure
of %he inductive capacity of a group. Therefore -I of

Cglg- = -NHp « (CH3)sN.CHp-. It is probable that o

for H3ﬁCH2- is > o*(CH3)3ﬁCH2- )
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Therefore on addition of the first proton both amino groups
will be partially protonated. It is assumed to a first
approximation that for each of the amines each amino group
has the same proton affinity. Therefore the same statistical
corrections are made to AS? and Asg as were made for
ethylenediamine. The corrected entropy changes left to right

in Table 6-6 are:

AS? Ty 3.1 3.1 2.2 1.9 e.u.
Asg -'L'-.le —007 -2.6 -207 -90.3 e.uo

(p) The relative values for AS? and Asg: For each

base AS? is less than ASZ. This is probably due to

(i) repulsion between the two ammonium groups in the di-
protonated molecule. This repulsion tends to stiffen
the intermediate alkyl chain causing a loss in
rotational and vibrational entropy.

(ii) ammonium ions orientating water molecules in their
viecinity. This lowers the rotational and translational
entropy of the solvent. The volume of solvent affected
by an ion depends on the ion-charge. For singly and
doubly charged (coincident charge) ions the volume
ratio is 1:2%2, i.e., 1:2.8. As the distance between
charges in a doubly charged ion increases, the volume
of solvent affected falls from 2.8 to 2.0 times that
for the "mono" case. A 1,2-diammonium ion would act

essentially as a doubly charged (coincident charge)
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species.9 Therefore Asg would contain a larger

negative 'solvent orientation' term than would AS?.

(e¢) Relationship between AS® and molecular structure:

Both AS? and ASS decrease with increasing bulk of the C1-
substituent (Fig. 6-9). This decrease may be associated

with a repulsion between the non-polar alkyl or aryl chain

of low dielectric and the ammonium ions formed on proton-
ation. Formation of an ion (e.g., -§H3) 'freezes' the
motions of the solvent molecules in its vicinity.73’86

There is a radial orientation of the solvent (high dielectric)
about an electrostatic charge (—NHE). The effect of this
orientation is to repel from the charge any region of low
dielectric present.73 Therefore in a protonated amine the
alkyl chain is repelled from the ammonium ion; there is an

9 or loss of freedom of chain

associated chain stiffening
conformation which lowers the rotational and vibrational
entropy of the amine molecule. The entropy loss will
increase with the 'size' of the C1 substituent. It has been
postulated that a similar chain repulsion phenomenon occurs
for the ionisation of the alkyl carboxylic acids.91

The large negative ASS value for 1-phenyl 1,2-di-

aminoethane may arise because the phenyl group can act as an

electron reservoir (see p. 106):

e
N

o
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Repulsion between the ammonium and C6H56+— groups would
further lower the vibrational and rotational entropy of the

molecule,

6-2.4 The relative basicities of the amine groups

For the reaction
L + HY = HLY
there will be an equilibrium distribution of protons on N(1)
and N(2) (Fig., p.106 ). Ethylenediamine has two equivalent
amine groups and therefore the distribution will be equally
weighted. On the other hand, 1-phenyl 1,2-diaminoethane has
two amine groups which probably exhibit quite different
basicities (see pp.106, 107) and it is considered that the
first proton added resides mainly on the N(2) amino group.
For the alkyl substituted ethyleneiiames some evidence (A)
suggests that the proton distribution weighting may be equal
while other evidence (B) suggests that for addition of the
first proton the ratio of N(2) groups protonated to N(1)
groups protonated is > 1. These two possibilities are
briefly discussed:
A, The ratio AG?/’AGZ is approximately constant (+2%)
suggesting that very similar factors (e.g., steric,

solvation, electronic) contribute to K, and X

1 2°
B.1. For ethylenediamine and its 01-a1ky1 analogues,
AS? and AH? are approximately constant, suggesting

that for each molecule initial protonation occurs
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mainly on the similar N(2) basiec centres:
::CH.CHZ.NHZ. For each of the N(2) groups similar
solvent orientation and electronic effects will be
associated with ammonium ion formation.
B.2. The comparatively high - ZHS and low Asg values for
ethylenediamine. Contributing to the AH2 and AS

2
values are terms for the effect of solvent orient-
ation about the ammonium ion formed. - AH will
decrease and AS will increase with decreasing solvent
orientation. For protonation at N(1) only could these
terms differ markedly for ethylenediamine and its 01-
substituted derivatives, Solvent orientation will be
greatest about ethylenediamine (see 6-2,2 and 6-2.3(c))
and hence the high - AHS and low ASS for this molecule.
Therefore it is possible that addition of the second
proton occurs mainly on N(1). Proceeding from pn to

eten to i-bn the Asg values decrease with increasing

chain-stiffening effects.

Because of the uncertainty in the sequences of —NH2 proton-
ation for these diamines, only the overall thermodynamic
functions AG?_z, AH$_2, and AS$_2 have any real signifi-
cance. Solvation effects are apparently important and account

for the trend in - AG?_Q values, en > pn > eten > i-bn.
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6-2.5 Empirical correlations

The observed seguence of logK values was not predicted
by Hall's empirical equation for the protonation of aliphatic
primary amines:71

pKa = 13.23 - 3,143 o
In this equation the Taft o* values give a measure of intra-
molecular inductive effects., The lack of correlation
suggests that effects other than the electronic inductive

effeoct (viz., solvation, steric) determine the relative

basicities.

6-3 Comparison with Previous Results

(a) Nasanen et al.23 have recently published logK
values for the protonation of 1-methyl 1,2-diaminoethane in
aqueous NaClOu media. The values of logKc obtained at
various ionic strengths are shown on Fig. 6-3, The thermo-
dynamic functions obtained were - AS? = 13,39+0.02kcals/mole,
- AGS = 9.02+0.01kcals/mole (cf., this work 13,26+0.01,
9.015+0.005kcals/mole respectively), - AH? = 11.840.2kecals/
mole, - AHg = 11,1+0.1kcals/mole (by the temperature co-
efficient method, see 3-3.1; cf. this work, 11.92+0.1L,
9.65+0.15kecals/mole respectively).

(b) The effect of C,C,-substitution: It is interest-

ing to note the thermodynamic results obtained by Basalo et

a1.28 for some 0102—substituted ethylenediamines, Table 6-6.
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TABLE 6-6

Thermodynamic data for protonation of 0102-substituted
1,2-diamino ethanes, 25.000. 28

a

Base - AG, - AH, TAS -AG, =-AH, TAS

ke/m ke/m  ke/m ke/m ke/m  ke/m
d1-bn* 13.64  10.3 3.3  9.43  10.3 -0.9
m-bn* 13.61 9.8 3.8 9.45 9l 0.0
dl-stien* 11.02 1.3 =-0.3 538 9.7 -L.3
m-stien% 10.80 1.0 =0.,2 6.52 1.6  -5.1

a for abbreviations see p, ii.
+ Ba(NO3)2/Kl\103 medium, I=0.65m/1.

* in 50% H2O/dioxan, 0.005m Ba(ClOu)2 medium,

These values show the stilbenediamines to be weak bases
bécause of unfavourable (low) entropy terms which Basalo et
al.28 thought might be attributable to the use of a mixed
solvent system. However, the data for 1-phenyl 1,2-diamino-
ethane in aqueous solution shows that N-protonation in the
system CGHB—C—ﬁ is characterised by a low AS term (see
6-2.3(c), (d).) For all four amines, AH, & AH, (temper-
ature coefficient data). Therefore the typical relationship
- AG2 < = AG1 arises mainly because of low entropy values
for the second protonation reaction (see p.108)., - AH, for
the stilbenediamines is greater than - AH1 for the sym-
metricai butylenediamines, presumably because the phenyl

group acts as a strong intramolecular electron donor when

YICTOQR TY OF

WELLINGTON LIERARY,
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close to an ammonium ion (see p.106)., The relationship

T AS(stien) < T AS(bn) could arise from stronger repulsion
between the ammonium ion and phenyl ( 6+)- group than
between -ﬁHB and CH3— groups (see 6-2.3(c)) and the
observed relative basicities stem from these different

TAS terms.

6-4 Conclusions

1. This work has shown that the basicities of C,-alkyl

1
substituted 1,2-diaminoethanes bear no observable
relationship to the inductive capacity of the alkyl sub-
stituents., This also appears to be true for 0102-
symmetrically substituted 1,2-diaminocethanes. e.g.,
symm-butylenediamines, tetramethylethylenediamine.
2. The basicity of NHQCH(R)CHZNH2 decreases with
increased bulk of the 01-a1ky1 substituent. This
results from a decreasing AS term which can be related to
a solvation effect.
3. C-phenyl 1,2-diaminoethanes are weak bases compared
with 1,2-diaminoethane and its C-alkyl derivatives.
This is not because of a strong -I effect of the phenyl
substituent. (In the system C6H5-C—ﬁ the phenyl group

shows a '+I' effect which stabilises the ammonium ion.)

Their low basicities arise mainly from a low entropy term
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for the protonation reaction. It is postulated that this
term is low because of repulsion between the C6H5( O+ )=

+
and —NH3 ionic centres.
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CHAPTER SEVEN
THERMODYNAMIC DATA FOR AQUEQUS COPPER (II)-DIAMINE COMPLEXES

7-1 Experimental and Results

Notation: The eguilibrium constants for reactions
involving the ligand and metal ion are given Roman numeral

subscripts. e.g., for

[M(E,0LT™ + L = [M(Hzo)uL]n“ + HPO ,
[M(H,0), L]
- 2 L , and 269 = -RT1nK®

K
i n
[M(H,0)g1L]
where Kg is the thermodynamic (activity) equi-

librium constant consistent with a hypothetic agueous system

containing all reactants at infinite dilution (-_-Ka Ja
I

The equilibrium constants for reactions involving the ligand

(base) and acid (H+) only, are given integer subscripts.

e.g., for L + H" = 1yt

[L8*]/L][HY], and  4G] = -RTInK)
(See Chapter 6)

K1 =

with reference to the same standard state.
A similar notation is used for enthalpy and entropy changes,
AH

viz., AH 1T° ASI, ASII, etc., for metal ion ligation

I!
reactions.

To simplify equations charges are generally omitted.
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7-1.1 The free energy change

AG° was obtained from the thermodynamic equilibrium
constant K_ by the relationship 4G° = -RT1nK_. (See
equations 2-8, 9,)

For a series of ionic strengths, solutions were
prepared containing different compositions of copper per-
chlorate (Ty), HC10) (Ty), and ligand (T;). The ionic
strength was adjusted by the addition of the inert electro-
lytes NaCl0) and Ba(C10)),. (See formulation in 4-1.3)

The solutions were analysed potentiometrically to measure

their equilibrium hydrogen ion concentrations [H+]equ, at

25.00+0.01°C, (See 5-1) using the cell

Calomel Ligand (TI)
Saturated N
Reference . HOlOu (TH) Total Glass
Electrode Cu(ClOu)z (TM) Tonie Electrode
NaClOu, BaClou Stvength
I

(See p. 65 and Fig. 5-1.) By substituting [H']eqbm
(designated H) into equation 3-L4, the free ligand concen-
tration [L] and the concentrations of HL® and H2L2+ in
each solution were determined. The results for the Cu(II)-
1-methyl 1,2-diaminoethane reaction are given fully in
Tables 7-1 and 7-2. From this data n was calculated for

each solution (seel4-1.2) and formation curves (n vs. [L])

were plotted. (Figs. 7-1, 7-2). Approximate K, values,
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pal

FIG 7-—1.
FORMATION CURVES FOR THE REACTION
2+« 2¢
Cu(aq) + pn = Cu(pn)aq) + 2H20
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FIG. 7—2.

FORMATION CURVES FOR THE REACTION :

[Cu(pn)(aq)]z' + pn — [Cu(pn)z(aq)]z’ + 2H,0
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T

n [L]fi=n-%
were obtained by interpolating [L]_ . values from the
formation curves. Improved Kc valugzn;gre obtained by
employing Bjerrum's method of successive substitutions.
(See L4=-1,2)
The logK, values for each of the Cu(II)-diamine
systems studied are given in Table 7-3. Log Ka values were

obtained by extrapolation of log‘KC to zero ionic strength.

(Figs. 7-3 to 7-5) For these extrapolations, the relation-
ship

logk = Lt. (logK +fn.I) Lt. (logk )
a & c
I-0 I 20

was assumed (equations 2-8,9). For 1

eten and i-bn, it

was found that

A

logk, = logk - al? where a 1.0

I

and logK = logK - BI where 8 = 0.5
a ¢
II I1

To check each extrapolation of log Kc to zero ionic strength,
two plots, 1og'Kc vs. fn.I and (loch—fn.I) vs. 1 were made,
For a given reaction, each extrapolation gave the same
intercept on the axis I = 0 (Figs. 7-3 to 7-5).

Log Ka values are given in Table 7-3 and G° values

in Table 7-5.

Copper ion hydrolysis: For the reaction99

C 8

H o,

20 + [cu(H0) ] 2+ = [Cu(HZO)n_1(OH)]+ + Hy
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Eguilibrium formation constants for the cupric complexes of

some C1-substituted ethylenediamines in aqueous solution
(Nac10, /Ba(C10, ), medium) 25.00+0.01°C

Log K
811

o
Log(KI

Ionic

Stren
(m/1

o
II)

0. 350
0.200
0.150
0.100
0.040

0.000

0. 350
0.200
0.150
0.100
0.040

0.000

%th

1-methyl
1,2-diamino-
ethane

10.639+0.013
10.559+0,012
10.504+0.013
104 Llyly+0, 013
10. 37140, 011

10. 32240, 012

9.03040,012
9.021+0,010
8.980+0,012
8.951+0.014

8.911+0.012
8.880+0,012

1oLk

1-ethyl
1,2-diamino-
ethane

10.1494+0, 011
10.430+0., 011
10.369+0.012
10, 24l4+0, 010

10.047+0, 011

9.143+0,012
9.117+0.010
9.104+0.011
9.086+0,011

9.070+0, 011

0.98

1-dimethyl
1,2-diamino-
ethane

10.176+0.,011
10.12140.010
10, 05940, 011
9.952+0.010

9.765+0.015

8.918+0.011
8.889+0. 011
8.867+0.011
8.8L41+0,010

8.819+0.011

0.94
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KH = 2x10-71.m.-1. Metal ion hydrolysis becomes increasingly
important at high pH especially when n is < 1 in metal ion
ligation systems. Assuming KH to be correct, calculation
(e.g., from Table 7-1) shows that at a maximum, 3% of the
cupric ion in solution would be present as [Cu(Hzo)n_1(OH)T}
Over a period of days none of the solutions appeared to
precipitate hydroxides.

Errors: Errors in Kc and Ka values were assessed as
+(2.4-3,.0)% for K

I and KII‘ These errors arose from errors

in p[H] measurement and in K, and K, values (See 6-1.1),

7-1.2 The enthalpy change

AH was measured calorimetrically (see L-2, 5-2).
The resultant solutions and experimental data from calori-
metric runs were analysed according to the methods outlined
in 4-2.1(b) and 5-2(h) respectively. The experimental data
is given in Table 7-4. The terms ARR, ARH, AQH. AQR,
and AHy., in this Table are as defined in 5-2(h) and
6-1.2. AHm is related to the endothermic heat change -q

calories per mole of metal ions:

AH. = =-q =- AH

m diln

' ' (from equation
= a8, AHp + Dy, AH L + ajAH, + by AH, L4-16)

_ o o] ' 0 ' 0 2

= a, AHp + b, Hyp+ a5 AH1 " b2(AH2 T 8.1;:101 X
2AIZ/(1 + 1%2))
(see section 4-2.2)

and,
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1 _ (0] ®] ' (0] 5 (0]
AHm - b26 = aQAHI + bZAHII + azAH,' + 132AH2
(from equation 6-1)
hence
o) o) _ o _
AHI + pAHII = EzllniAHi =

L

AH_ - a
a, m
where p = b2/a2 (see Table 7-4).

'2AH(13 - b'2(AH8 + 8)] eeees 71

The factors a,, by, aé, and bé were determined by the

methods discussed in 4-2.1(a) and L4-2.1(b). The numerical

1 1
value of aj AH + b'2(AHg+8.1x102x2A12/(1+12)) was calculated
from previously obtained AH? and AHS values (Chapter 6).
The AH? and AH%I values in Table 7-5 were obtained

from the data in Table 7-4 by two methods:
(a) by solution of pairs of the simultaneous equations 7-1,

viz., AHS + p/:\Ho = & niAHo e.g., for the aqueous

I 11 < i ?
i
ligation reaction between Cu(II) and 1-methyl 1,2-diamino-

ethane, the values obtained from combinations of data for

runs 1+3, 2+3, 1+4, 2+4, 1+5, 1+6, and 2+6, were:

o
I

- AH%I = 11.37, 11.96, 11.53, 12,03, 11,96, 12.48, 11.80, 12.40

- AH 11.97, 11.90, 11.82, 11.76, 11.98, 11.95, 12.13, 12.02
(kcals/mole) respectively. These results were then averaged
and a standard deviation calculated.

(B) AH? values were obtained graphically by plotting

? n, AH? = AH? + pésﬂgl vs. P, and extrapolating to p = O,

In each case linear graphs were obtained (Fig. 7-6).



FIG 7—6

PLOT OF AH; + pAH‘;I vs. p FOR COPPER(ID

LIGATION BY A. 1-METHYL 1,2-DIAMINOETHANE

o

1-ETHYL 1,2-DIAMINOETHANE

C. 1-DIMETHYL 1,2-DIAMINOETHANE

-22:0 |

PAH[; (kcals/m.)

+

o
AH;

-14-0

-12.0
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TABLE 7-5

Standard thermodynamic functions for the step-wise equilibrium
reactions between Cu(II) and some C1—a1ky1 substituted
ethylenediamines in agueous solution, 25.0Qi0.01°C, I = 0.0n/1

Standard 1,2=-di- 1-methyl 1-ethyl 1=dimethyl
thermo- amino - 1,2-diamino- 1,2-diamino- 1,2-diamino-
dynamic ethane ethane ethane ethane
functions

AGT(Ke/m) -14.30% -14.083+0.017 -13.707+0.015 =13.323+0.015

AGJO:I " -12,38% -12,1164+0.016 -12, 37440.015 -12.032+0.015
M6 ;g " -26.68 -26.20+0.03 -26.08+0.03 -25.36+0,03

M7(Ke/m) -12.6  -11.95+0.15 =11,7640.13 -11.,27+0.08

M7y " -12.6  -11,9040.25 -12.04+0.13  -12,2640.08
AH?-II " -25,2% -23.940.4 -23,840.3 -23,54+0,2
AST1e.u.  +5.7  +7.110.3 +6.540.7 +6.940.,2
AS?I " -0.7 +0,9+1.1 +1.1+0.4 -0.7+0,2
Asg_II ! +5.0 +8.0+1.4 +7.6+1.1 +6.2+0.4
887 (corr) +2.9 +3.0+0. 3 +2.14+40.7 +2.8+0,2
AS?_II " +3¢6 +309i1¢“- +3. 5i1.1 +2.1_-_0-O.)+

* Ref. 24Db.
*  Ref. L.
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(o}

Substitution of AH? into equation 7-1 gave a series oftSHII

I
values,

These two methods gave comparable AH? values, e.g.,

for Cu(II) + pn, method (a) gave - AH? = 11.87kecals/mole,
- AH;I = 11.95kcals/mole; method (b) gave - AH? = 11.95

kcals/mole, - AH?I = 11.85kcals/mole.
Values of AS? were obtained by using the equation

) o 0
AGi = AHi - ’I‘ASi

. . ; o) :
Uncertainties in AHi values: These were determined

by the method given in 6-1.3., (For "eguation 6-1" read
equation 7-1.) The uncertainties in AH§I are always greater
than those in AH] (see 4-2).

Absorption spectra: These were measured for solutions

with 1:1 and 1:2 ratios of metal ion to ligand to determine
the C.F.S.E. terms (see 7-3.4). Spectra were determined with
a Unicam S.P. 500 or a Hilger Watts 'UVISPEC' spectro-

photometer,
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Discussion of Results

7-2 The Free Energy Change

7-2.1 The relationship between complex stability and

ligand basicity

There is an approximately linear relationship between
complex stability and ligand basicity. Comparing the free
energy terms for the metal ion-ligation and ligand-proton-

ation reactions, it is found that

6GY/ 8GT_, = 0.630 + 0.006
o} o}
and AGT_1/8GT , = 1.19 + 0,02

The constancy of these ratios implies that ligand basicity
alone significantly determines the relative stabilities of
these Cu(II)-diamine complexes. Therefore the forces between
bound ligand and water molecules must be uniform in the
series of 1:1 and the series of 1:2 copper-diamine complexes.,
The substituent R in NHZCH(R)CHZNH2 must make only minor
contributions to interligand forces in the coordination
sphere.

The results may be compared with those for the N- and
NN'-substituted ethylenediamines. Increased length and
branching of the N- alkyl substituent has little effect on

the amine basicity,27’28

yet markedly lowers the copper-
diamine complex stability35’56 because of increasing inter-

ligand (L-L and H20—L) repulsion forces within the co-
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ordination sphere,. (NN'-tet:c-amethyl-ethylelrlecr'i:lamine?2
probably forms a 1:1 complex only.) *

7-2.2 The average formation constant
51

Bjerrum® defined an 'average' formation constant K,

Ve
for metal ion ligation reactions:

1
logKav. = ¥ IOQ{I.KII . % @ K'N .

The ratio logKav /logK1x:is approximately constant for a
given metal ion with similar ligands when for each type of
complex the interligand forces and the bonding forces are

essentially the same.51

The equivalent ratio for the
copper-diamine complexes is approximately constant:

(o) o} o} (0]
AGI_pp/ BG4 = 2logK.  /logK] = 1.99+0.02 .

However, because the ligands (except en) contain two dis-
similar basic centres it is preferable (see 6-2.L) to
consider the ratio AG?-II/ AG?_Q, which also is constant
(1.1940,02).

7-2.3 The ratio of successive stability constants

For each copper-diamine system, logKg is » 10gK§I.
This relationship is favoured statistically and is generally

valid for metal ion ligation reactions (see 3-5, 1(a)). The

* Data is available for Ni(II) only; it gives only a 1:1
complex and Cu(II) is probably analogous. Zn(II) forms a
bis complex because steric hindrance is minimised by the
ion adopting a tetrahedral configuration,

= LogK .

x LogK
HL*

1
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10g(Kg ?I) values are given in Table 7-3 and may be compared
with the literature values for the ligands en 1.u1,2u°
d1-bn* 1.51, m-bn* 1,38, tetrameen* 1.39, dl-stien®0.96,

¢ 0.95. 3 However, for the NN'-di-n-alkyl

and m-stien
substituted 1,2-diaminoethanes this ratio is not constant.
It increases regularly with substituent size, from 2,84 for
the NN'-dimeen complex to 3.83 for the NN'-di-n-Buen

2lc, 35

complex., This corresponds to an increased steric

hindrance between ligands in the bis complexes and a decrease

in complex stability.

7-3 The Enthalpy Change

7-3.1 The Cu(II)-ethylenediamine system

O —
I-I1 —

25.16kecals/mole. (Values of 24,6 and 25.Lkcals/mole have

For this system Davies et al.b’JI determined - AH

also been determined,Bu"35 but Davies' result is probably
the most reliable.) Several workersuo’u1’66’67 have postu-
lated equal AH for successive step-wise complex formation
reactions between the agueous cupric ion and strain-free
dipole ligands, when inter-ligand repulsion forces and metal
ion configuration do not vary (appreciably) with metal-

ligand ratio. For the Cu(II)-pn reaction and the

+ Log(KI/KII), I = 0.65m/1.
@ in 50% dioxane/H2O
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Cu(I1)-2,2'-1,3pn reaction' 2 AH; % AH ;. A similar
equality could be postulated for the Cu(II)-en reaction,

giving AH? - AH?I = -12,6kcals/mole.

7-3.2 Interligand interactions

For the ligands en, pn, and eten AH?/ AH?_2 is
approximately constant (0.551+0.003) suggesting that the
complex bond energies are directly related to ligand donor
power, For i-bn the value for this ratio is lower, 0.525,
possibly indicating an increase in interligand (L-HQO)
repulsion forces within the coordination sphere. (Molecular
models show that the gem dimethyl groups of i-bn hinder the
free rotation of the fifth or sixth (trans) water molecule
in the coordination sphere. However, they do not suggest

that the methyl groups would displace the water molecules

through steric hindrance.)

7-3.3 Complex stability and ligand donor power

The ratio AH7_;;/ AHJ , is approximately constant,
1.095+0.011. This constancy indicates that those enthalpy
factors which determine the relative stabilities of the
Cu(II)-1,2-diamine complexes are the same as those deter-
mining the relative stabilities for proton -1,2-diamine
complexes. e€.g., the solvent shielding effects for any
ligand (see 6-2.2 and 6-2,3(c)) have the same relative
importance in each complex system. For the copper complexes

the interligand repulsion forces must be essentially uniform
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and independent of the C1—a1ky1 substituents.

7-3.4 The C,F.S.E. Contribution to AH?

o
The corrected AH wvalues AHcorr = AHi— AHC.F. are

given in Table 7-6., For the reaction

[M(H2o)6]2+ + L o [hﬁ(H2O)uL]2+ + 2H0. . (- D),

Mg, p, (1) = C-F-8.B. (DH(H0),L]% )= c.F.s.® (Lu(H0),11%).
For the reaction

[M(Hzo)uL]2+ + L= [M(HD),LF + 2H,0. . (- M),

Bl p, (17) = C-F-8.B. ([M(H,0),L,]%)-0.F.5.E. ([M(HgO)uL]2+).

For each agueous complex the C.F.S.E. was calculated using
the equation

-CQF.S.E. = OOL‘-E1 + 002E2 #* 002E3 ® 2900000800 7"'2

where E,, E,, and E3 are the Cu(II) d-d electron transition
energies obtained from the visible-near I.R. absorption
spectrum, E1 > E2 > E3. This equation and the theory are
discussed in Appendix I. (The broad single band absorption
curve for the cupric ion theoretically resolves into three
gaussian curves corresponding to three d-d electron

125

transitions, energies E1, E and E

. g}

Each 1:1 complex and each 1:2 complex have the same
C.F. stabilisation term AHC.F.' The visible-near I.R.
absorption spectra for the Cu(II)-bis diamine complexes are

energetically identical within experimental error. A broad
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TABLE 7-6

Crystal field corrected ligational enthalpies for some

agueous Cu(II)-diamine complexes, 25.0°C

Ligand - AHI(corr) "AHII(corr;
(kcals/mole) (kcals/mole
en L.l 6.3
PN B I 5.6
eten 3.6 5.7

i-bn e 6.0
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*
absorption vmax =18.1kK graphically resolves into three

bands, v =19.0, 17.1, 14.8kK with € nax. £60, 30, and 20
respectively (e.g., Figs. 7-7, 8). These absorptions cor-
respond to a C.F.S.E., of -(L40.34+0.6)kcals/mole. Similarly
the visible-near I.R. spectra for the 1:1 complexes are

identical within experimental error. A very broad band,

=15.4+0, 2kK, e =32-L43, can be considered composed

v
max. max,

of three absorption bands at approximately 16.6, 14.L and
11.8kk. (e.g., Fig. 7-9) These absorptions correspond to a
C.F.S.E. of -(34.0+0.5)kcals/mole.

The visible-near I.R. spectrum for the Cu(II) aqueous
ion is reported to have a band at 12,6kK with a shoulder at
9.3kK. A further analysis of this broad band has shown that
=12.25kK. The main band can be graphically resolved

v
max.,

into two gaussian absorption curves with v =12.6 and

max
10,6kK. The occurrence of three absorption bands at 12.6,
10.6, and 9.3kK corresponds to a C.S.F.E. of -(25.8+0.5)
kcals/mole.

The resultant C.F. correction terms are

AH -8.2kcals/mole

C.F.(1)

AR -6, 3kcals/mole

C.F.(II)
The uncertainty on each of these terms is estimated as

> 11.0kcals/mole and arises mainly from the uncertainties

* KK or kilokayser = 1000em™"



07

0-6

0-5

absorbance

0.2

0-1

FIG 7—7
[Cu(eten)z(aq)]z* VISIBLE ABSORPTION  SPECTRUM
Emax. = 67
le *
2 22

frequency

(kK.)



coefticient.

extinction

molar

20

10

y 2+
[Culi-bn)ytaq))

FIG. 7—8

VISIBLE ABSORPTION

SPECTRUM.

1 36b

Eyfy / E2/

/
/

22

frequency (kK).



0-20

0-05

absorbance

Cu( PnICly

FIG. 7—9

VISIBLE ABSORPTION

SPECTRUM

/.
E‘ /h /' Ezlh N 4]
./' .
'J l \\T.\.
./ b %
i Az { A : : N
20 18 12

trequency (kK).



137

in graphical resolution of the absorption bands. Therefore,
the AHC g, are of limited value. The equality of each
AHC.F.(I) and each AHC.F.(II) is more signifiicant than are

their absolute wvalues.

7-3.5 The degree of Jahn-Teller distortion

The sequence - AHC.F.(I) > - AHC.F.(II) may imply
that the increase in Jahn-Teller distortion is greater in
passing from the hexagquo to mono diamine complex than in
rassing from the mono to bis diamine complex.

Because the C.F. terms are the same for each of the
1:1 complexes and for each of the 1:2 complexes it follows
that within each series
(1) the Jahn-Teller distortion is approximately constant,
(2) the M-N bond lengths are approximately equal,70
(3) the average electron densities on the N-donor atoms are

approximately equal,*

(4) the interligand (L-HEO, L-L) repulsions are similar.

7-3.6 Complex ion solvation

It follows from 7-3.5 that the variations in
ligational enthalpy within the 1:1 or 1:2 series of complexes
must arise predominantly from changes in solvent orientation

about the complex ion. Solvent orientation will vary with

* This supports the deduction (6-2) that the inductive
tendency of the C,-alkyl substituent has little effect
on the ligand baslcity (donor power).
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the C1-substituent according to its tendency to disrupt the
solvent lattice and to shield the solvent from the charge on
the metal ion. Variations in ligand protonation enthalpies
are similarly ascribed chiefly to changes in solvent orient-

ation about the ammonium ion. (see 6-2,2)

7-4 The Entropy Change

Trends in the entropy change can be explained on the
basis of
(1) solvent orientation effects

(2) interligand (L—HZO) interactions in the 1:2 complexes.

7-L.1 Statistical contributions

AS? contains a statistical term. For the Cu-en
complex, it is Rlnl = 2,8e.,u. and arises from the fact that
the en ligand can probably replace two water molecules from
the tetragonally distorted agueous cupric ion
[Cu(HZO)u(H20)2]2+ in four different ways. There is only
one way for the reverse reaction to occur. Therefore the
statistical contribution to AS is Rln(L4/1). For the other
1:1 complexes, the ligand is asymmetric giving eight
possible configurations for the complex ion. The statistical

contribution to AS is R1n8 = L.1e.u.

2+

AS?I contains a statistical term for the Cuen2

complex only, AS -R1n2 = -1,Le.u.

stat™
The corrected AS values are given in Table 7-5.
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7-4.2 The effect of ligand structure

AS?(corr)z AS? - Asstat is constant within experi-
mental error. For L = en, pn and eten AS?I(corr) is also
constant within experimental error (O.9¢O.2e.u.). The
value for L=i-bn is significantly lower (-0,7+0.2e.u.),
possibly because the C1—gem dimethyl groups in i-bn hinder
the free rotation of water molecules in the fifth and sixth
(trans) coordination sites, There is a loss in rotational
entropy for the water molecules and for one methyl group on
each i-bn molecule. Molecular models (Courtauld) illustrate

this phenomenon.

T7-4.3 AS values for successive reactions

For each ligand AS?I is greater than AS?. This is

typical for step-wise metal ion ligation reactions, and for
E 3
neutral ligands arises mainly from statistical contri-

'butionsj’b'o’93’77 On the basis of these contributions

alone it is predicted that for each amine, AS§I= AS?—u.1e.u.

For L=en, pn and eten it was found that AS?Iz AS?-

(6.3+0.1)e.u.: for L=i-bn AS§I= AS? -7.6e.,u, (The value
for i-bn possibly differs because of phenomena discussed in
7-L4.2.) Therefore Asgl is approximately 2.2e.u. lower than

predicted statistically. This small discrepancy possibly

For ionic ligands it is partly a charge effect.
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arises from a solvation effect. It has been postulateduo’77
that for an agueous metal ion, solute-solvent interactions
decrease rapidly with initial increases in ligand co-
ordination number when large ligand molecules are used,
€.g., en, dipyr (see 3-5,3(b)). Replacing two coordinated
water molecules on [Cu(Hzo)u(H20)2]2+ by one chelate group
causes a large increase in solvent entropy due to
(a) increased shielding of the solvent from the metal ion

charge, and
(b) competition between two incompatible structures, those
of the primary coordination sphere and the bulk of the
solvent.
Replacement by a second chelate group possiblyuo’77 causes a
smaller increase in solvent randomness, and AS?I contains a
smaller positive "solvent-freeing" term than does AS?

(see Fig. 7-10 and p.1L3).

135 have discussed the 'low second

Ciampolini et al.
sphere hydration (entropy)' for a complex ammine compared
with an aguo ion. They considered it related to the lower
entropy of hydration for the NH3(g) molecule (-19,7e.u.)
compared with the H20(v) molecule (-28.ue.u., entropy of

condensation). i.e., the complex aquo ions will be

surrounded by more 'frozen' solvent molecules. This argu-

o)
solvation

(z)en= -15.4e.u., $(dien)= -13,3e.u., L(trien)= -12.2e.u.*

ment could be applied to other ligands, e.g., S for

* From the Cobble Equation87°, Appendix IIb.
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However, their consideration overlooks the part played by the

donor group, O or N, in determining the entropy of hydration.

7-4.L4 The molar entropies of aqueous complex ions

For a reaction
[M(Hzo)x]2+ + ol = [M(Hzo)yLn]2+ v (x-y)H,0 ,

& 0 o o o
8S°) (corp) = sMLn + (x—y)SHzo - N8, = Sy ...u. 73

From equation 7-3 the standard molar entropy of the agueous
complex ion so can be calculated: As®

ML n(
from the experimental ASS value (= Asg- A

corr) is obtained

(@]
Sgtat)s Sy o the

2 6L

standard molar entropy of solvent ('free') water = 16,7e.u.;
Sf can be calculated approximately by using the empirical

Cobble equation87c

for the partial molar entropies of
organic solutes in aqueous solution (Appendix II); the
standard molar entropies of many aqueous cations have been

-23.6e.u.90).

measured relative to S°+=0.0e.u. (s°

Cu++-
o) o] ’ .
SCuL and SCuL2 values are given in Table 7-7.
The entropies of the complex ions are S&L > SﬁL >
2

Sﬁ(aq)' The entropy of an ion in aqueous solution increases
with the amount of non-polar low dielectric medium (in the
form of ligand) surrounding it. The ligand shields the
solvent from the cationic charge which tends to orientate
the solvent molecules and lower their entropy.

SﬁLn increases with C-alkyl substitution on the

ethylenediamine ligand, i.e., the molar entropies of the
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TABLE 7-7

The standard molar entropies of some cupric diamine ions

Ligand Sg(e.u.) SﬁL(e.u.) S&Lz(e.u.)
en Lh.5 -9.6 g9
pn L"703 —607 8.1
eten 54.0 -0.6 21.1
(ef., S§u++ = -23,6e,u. )

agueous (Cu(eten)n complex ions are > Cu(i-bn)n > Cu(pn)n>
Cu(en)n for n=1 and n=2, The high molar entropy of the

*
Cu(tetrameen)2 ion (+40.8e.u.) follows this general

sequence, C-alkyl substitution will increase the solvent-

shielding capacity and possibly the solvent lattice-breaking
capacity of the ligand. It is difficult to estimate the
influence of these effects on SﬁL « The SﬁL values are
linearly related to nS; (Fig. 7—1?). Dhenetuge v Wicresds
in SﬁLn upon C-alkyl substitution on the ligand may result

mainly or wholly from the entropy contribution of the

'mobile’ C,-alkyl substituent. The SﬁL value for
2

* Calculated from AS; . .=19e.u. 3(cal), ASstat=1.ue.u.,
S{=56.8e.u. from the Cobble equation (Appendix II),
assuming d; = 0.88gm/ml.
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L=tetrameen does not fit this 1:1 relationship, therefore the
other effects discussed above may also contribute signifi-

cantly in this case.

()
SCuL2
(sguL-sgu(aq)), indicating that substitution of a second

For each ligand ( —SguL) is 2.34+0.3e.,u. less than

chelate group possibly causes a slightly smaller increase in
solvent randomness than does substitution of the first,

Fig. 7-10 (see 7-4.3).

7-5 Comparisons with Previous Work

Nasanen et al.zu'b

have recently published stability
constants for the Copper-1-methyl 1,2-diaminoethane reaction
at a series of ionic strengths. Their values for I=0,00m/1,
logk;=10.5L4, logKII=9.O6, do not compare well with those in
Table 7-3; viz., 10.322+0.012 and 8.880+0.012 respectively.

AHg values have been determined for this reaction by the

temperature coefficient method23(3-3.1A).

- AH? = 13.0kcals/mole
- AH?I = 13.2keals/mole

ef., this work 11.95+0.15 and 11.85+0.15kcals/mole

respectively.
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CHAPTER EIGHT

THERMODYNAMIC DATA FOR AQUEQUS NICKEL(II)-DIAMINE COMPLEXES

Data has been derived for the ligands 1-methyl 1,2-
diaminoethane and 1-dimethyl 1,2-diaminoethane. It is
compared with that for 1,2-diaminoethane complexes. Datsa

for the Ni(II)-eten system is discussed in 9-1.

8-1 Experimental and Results

The general notation and experimental method outlined
in 7-1 for the copper complexes also applies for the Ni(II)-
diamine complexes. Some small differences are briefly
outlined:

(a) Formation curve data: This is given fully in Tables 8-1

and 8-2 for the equilibrium system

y 2+ - . 7 2+
[Vi(H,0)g] + nL = [Nan(h20)6_2n] + 2nH,0
where n=1,2,3, and L=pn, i-bn. The formation curves are
given in Figs, 8-1 to 8-6,

(b) Equilibrium constants: For the Ni(II)-pn system it was

found that

LogK = LogK Gl cospewdisipsncsnediossens =9
ay oy "

for N=I, II and III. This equation also applied for the

Ni(II)-(i-bn) system for N=I, but for N=II and III then,

LogKaN = LochN + BI%/(1+I%) chessesossnasse G=2
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Log K values are listed in Table 8-3 for a series of ionic

N

strengths up to 0, 35m/1. Log‘Ka values were obtained by
N

graphical extrapolation of Lochh to zero ionic strength
J

using equation 8-1 or 8-2 (Figs. 8-7 to 8-10). LogK_ wvalues

0
N

(¢c) Nickel ion hydrolysis: For [Ni(H20)6]2+, Kyy=lix10

are listed in Table 8-3, and AG, values in Table 8-6.

—10Lnf1

(see 7-1.1). For all the complex equilibria studied, the
fraction of the total nickel ion concentration present as

[Ni(H20)5OH]+ was << 0.01.

(d) Uncertainties in KP values: These were for L=pn,

+(2.5-3.5)% and for L=i-bn, +2.5% in all KCN and KaN.

(e) The enthalpy change: All experimental calorimetric

enthalpy data are given in Table 8-4. The symbols are as
explained in 7-1.2. The equation equivalent to 7-1 but
applicable to the Ni(II) system is

o ) o) _ o _ _
AH; + PpAHpp + QAHy iy = }lniAHi = etce veeee. B8-3

(see L-2)
The AHO, AH?I, and AH:C[)II values in Table 8-6 were obtained
from the data in Table 8-L4 by solution of sets of the simul-
taneous equations 8-3, (see Table 8-5),

(f) The Ni(II)-1,2-diaminoethane system: Davies et al.u1

quote the step-wise equilibrium constants for this system at
o . — - — - -

I=0.015m/1, 25.0°C: Logk1=7.32; LogK;;=6.06; LogKpp=b1.

It is assumed here that these constants closely approximate

the thermodynamic equilibrium constants. The corresponding



Log

ITI

Ionic strength
(m/1)

0.350
0.200
0.150
0.100
0.040

0.000

0. 350
0.200
0.150
0.100
0.04L0

0.000

0. 350
0.200
0.150
0.100
0.04LO
0,000

TABLE 8-3

Formation constants for Ni(II) - 1,2-diamine complexes in
aqueous NaCl0y, /Ba(C10y ) media, 25.01+0.010C

1-methyl

7.333+0.011
7.330+0,012
7.277+0.,012
7.292+0,014
7.316+0.015
7.311+0.021

6.380+0.,011
6.301+0,011
6.279+0.013
6.269+0,011
6.260+0,012
6.247+0.,012

4. 75040, 012
14.912+0,013
11.985+0.012
4.,997+0.015

(5.269+0,01Y4)

5.111+0.015

1-dimethyl

6.598+0,011
6.567+0.009
6.5U+0.010
6.480+0.013
6.0465+0,013

5.948+0,010
6.011+0,010
6.004+0.010
6.228+0.010
6.554+0.010

3.441+0.012
3.588+0,011
3.73840.012
4.250+0,010
5.25+0.03
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Ni(l1) - 1-DIMETHYL 1,2—-DIAMINOETHANE FORMATION CONSTANTS.
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TABLE 8-5
Step-wise enthalpy changes from the solution of simultaneous
equations (equation 8-3)

: . ; . o) o) o)
Diamine Data combinations - AHI - AHII - AHIII

(from Table 8-L ) (keals/m) (kcals/m) (kcals/m)

1-methyl 1,2- 1, 3, L4 8. 32 B Bl 9.85

diaminoethane 1, 2, 4 8.27 8.82 9,63

3, 4, 5 8. 32 8.55 9.68

2, L4, 5 8.2 8.95 9.26

8.294+0,03 8,71+0.18 9.60+0,22

1-dimethyl 7, 9, 10 7.38 5.97 bl

Ty el mming 8, 9, 10 7.26 6.10 Iy 81
ethane

9, 10, 11 7.48 5.88 L.81

8, 10, 12 7.18 6.5 4. 48

7, 10, 12 7.30 6. 36 4.50

11, 12, 13 7.48 6.26 4.63

10, 11, 12 7.40 627 L.49

8, 9, 13 7.26 6.09 5.01

Ty 9, 13 7.38 5.96 4.96

9, 11, 13 7.u48 5.88 L.9L

7, 12, 13 7. 37 6. 35 L.6L

8, 12, 13 .18 6.49 L.69
7.35+40.11 6.,18+0.22 L4,73+0.18
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- AG§ values for the step-wise equilibria are given in
4O

Ciampolini et al. have calorimetrically measured
the step-wise enthalpy changes for this coordination

reaction (see Table 8-6).

(g) So0lid complexes: To help establish the metal-ligand

stoichiometry for some complexes studied in aqueous solution
solid complexes were isolated and analysed. Most diamine
complexes were also prepared as halide salts for I.R.

analysis (Chapter 10).

LNi(pn),](ClOu_lz_: A blue-violet so0lid isolated from
4

agueous solution and recrystallised from
50% aqueous ethanol. (Found Ni(dmg. gravimetric), 12.23;
amine by pH titration, L6.5 L6.9. [Ni(pn)j](Clou)2 requires
Ni, 12.23; amine, L6.,3.)

LNi(i-bn)21L01Oulz_: A yellow-orange solid isolated from
aqueous solution and twice recrystsl-

lised from the minimum volume of hot water. The solid

showed no tendency to hydrate. (Found C, 22.4L; H, 6.09;

Ny 12.55. 08H26Nu01208Ni requires C, 22,04; H, 6.01;

N, 12.85.)




Standard

kcals/m
AGS

o
AGII

o]

AGrrp
(@]

AGy 1171

kecals/m

AH

AHII

(o]
AHrr1

e}
I-III

(0]
S111

(@]
ABT 17T

TABLE 8-6
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thermodynamic functions for Ni(II)-diamine complexes

in aqueous solution, 25+0.01°C, I = 0.0m/1

1,2-diamino-

ethane

-9.98Refl1
-8.27 "
-5.59 "
-23.84 "

-8.90RefL1O
—90 35 "
-10.10 "

-28.35 "

3.6
-3.6
-15.1
-15.1

1-methyl

1,2=-diamino-

ethane

-9.97+0.03
-8.52+0.02
66.97+0.02
-25.46+0,07

-8.29+0.03
-8.71+0. 1L
-9.60+0.18
-26,71+0.05

5.640.2
-0.6+0.5
-8.8+0.6

-4, 2+0. 4

1=dimethyl

1,2=-diaminoethane

spin-free
-8.82
-8.99
=7.11

Pl 92

=7.35
-7.21
-3.70
-18,26

L.9
6.0
1.4
22«3

spin- e
-8.82+0.02
-8.88+0,01
-7.22+0,04

-7.35+0.011
-4.95+0.22
-5.96+0.18
-18.26+0. 51

4.9+40.5
13.240,8
4.240.7
22.3+2.3
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LNi(i-bn)31(01ou)2§29: A blue-violet solid isolated from
agqueous solution. It was recrystal-
lised from solvent alcohol containing a trace of the diamine.
The hot alcoholic solution is yellow due to dissociation to
the diamagnetic bis complex. (Found C, 27.71; H, 7.01.
Requires C, 27.60; H, 6.90.)
Ni(i-bnzzggg.iﬂeg: Ni(i-bn)Q(Clou)z was converted to the
chloride salt by passing an aqueous
solution through an anion exchange resin in the chloride
form. Slow crystallisation of the aqueous solution gave
blue crystals of the pentahydrate. (Found C, 24.L6;
. o} .
N, 14.43; H,0 by weight loss at 100°C, 18.6, C8H36Nu01205N1
requires C, 24.14; N, 14.08; H,0, 18.0.)
Nifi-bn}zglz: A yellow solid obtained by heating the penta-
hydrate at 100°% for 24 hours or by recrystal-

lising the pentahydrate from isopropanol.

8-2 Magnetic Eouilibria for [Ni(i-bn)glff salts

Many Ni(II) complex salts of suitable stoichiometry
exist as a mixture of diamagnetic and paramagnetic forms.

At room temperature the aqueous nickel bis i-bn ion
exists as an equilibrium mixture of a yellow-orange dia-
magnetic form and a light-blue paramagnetic form. The equi-
librium constant at 25°C (I=0.20m/1) is XK= [D]/[P] =0.832,

equivalent to 54.5% P, L45.5% D. K increases with temperature
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and on addition of acetone or methanol to the solvent. In
pure acetone, only the diamagnetic form is present, Axnax =

L55m p ; € max =61.2. In dry methanol the equilibrium

mixture consists of approximately 95% of the diamagnetic
form; Kxnax.=“5°m**-

The enthalpy change for the P = D reaction in aqueous
solution was obtained by the temperature coefficient method:

_ 2 (0 logk
AH(P,D) = 2.303RT ( )P, "

or (see 3-3.1a)

K=[D]/[P] was obtained at a series of temperatures from
spectroscopic measurements. The paramagnetic species has
three weak absorptions in the visible spectrum, at 369, 59L,
and 980m u, smax." 10 * in each case, The single intense
absorption band for the diamagnetic ion occurs between these
first two wavelengths; the measured molar extinction co-
efficient at 4L50mpu is little affected by the presence of the
paramagnetic species in solution. It was assumed in
calculating K that €nax, fOr diamagnetic [Ni(i—bn)2]2+ is

the same in solvent acetone and water.

8-2.1 Experimental

Spectra were measured with Unicam S.P. 700 recording
spectrophotometer fitted with a thermostatted electric
heating block for the absorption cells. Measurements were

made at temperatures between 26 and 62°C. To facilitate

* Difficult to assess exactly because of the D = P
equilibrium,
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rapid thermal equilibrium O.1cm cells were used, Measure-
ments were made on a solution of ionic strength 0,200m/1;
this ionic strength was employed for calorimetric enthalpy
measurements also. No inert electrolyte was used. A
concentrated (0,066molar) solution of [Ni(i—bn)z](CIOu)2
was used to minimise the change in degree of dissociation

caused by the effect of temperature on the formation constant

for the complex, KI‘KII‘

8-2.2 Results

The absorption curves for various solution temper-
atures are shown in Fig., 8-11. A plot of logK vs. TOA is
shown in Fig. 8-12. The experimental error in K is approxi-

mately +8%. From Fig., 8-12,

dlogk _ 0.01%~]
at = 18
and AH(P p) = 2260cals/mole (for the reaction P = D).
bl
At 25°C K = 0.832 and AG = -RT1nK = 109cals(P = D).
(P,D)
Therefore
AS = . Y .
(P,D) +7.2e8, U

The electronic multiplicity of the diamagnetic form is one and

of the paramagnetic form three. Therefore AS(P D)
’

includes a term -R1n3 = -2,2e.u. arising from the decrease

in electronic multiplicity. Therefore AS(P D corr)=9.ue.u.



FIG. 8—11.

VISIBLE ABSORPTION SPECTRA AS A FUNCTION OF

2
SOLUTION TEMPERATURE FOR AQUEOUS  (Ni(i-bn)y(ag)]

40

%/e Transmission

70

solvent acetone
100°/s dia-

—

3 27 23 19 17
frequency(kK)

16

ES

2a



010

0-05 |

Log K

-0-10 |

FIG. 8-12.

PLOoT OF LogK vs. T (°A) FOR THE EQUILIBRIUM

2 "
para- [Niti-bn),)"" — gia -[Niti-bn))

290 300 ) 320 330
T (°A)




164

Discussion of Results

Part A
The formation of spin-free nickel(II)-diamine complexes
(The ligands en, pn and i-bn)

8=3 The Free Energy Change

8-3.1 The relationship between complex stability
and ligand basicity

There is an approximately linear relationship between

complex stability and ligand basicity for the 1:1 complexes,
viz:

062/ AGP = 0.432+0.011

I 1-2 7 ° i

This constant ratio implies that interligand forces in the
coordination sphere are uniform in each diamine complex.51
(See 7-2.1) Therefore C,-alkyl substitution on the basic
ethylenediamine ligand does not significantly increase inter-
ligand interactions in the 1:1 and Ni(II)-diamine complexes.
o] o} o]
1-p and AGIII/ AG1_2
-alkyl substitution.

However the ratios AG?I/ AG
increase considerably with increased C1
i.e., the ratios for en < pn < i-bn. This trend follows
the order of decreasing ligand basicity (donor power) and
increasing interligand interaction (particularly steric
hindrance between the C1—Uubstituent on one ligand and the
donor atoms of another in the coordination sphere), and
arises because the entropy changes, As®_ ana as®

II LLI?2
increase markedly with increased C1-alky1 substitution.
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AH% - AG?_2 + (13.9840.04)kecals/mole
AEO. = AG° _ + (13.73+0.22)keals/mole
11 1=-2 —
However, because AG?_2 = AH?_2 (see Table 6-6), these

relationships imply that the enthalpy changes for the
reactions
ML+ 2HY = H,L®' 4+ M(aq)

+ 28 =& HOIL 4+ ML

and ML 5

2
are both independent of L. Therefore the ligand basicity is
giving a direct measure of the metal-ligand bond strength,
and the interligand repulsion forces must be approximately
the same in each 1:1 and in each 1:2 complex.

For en and pn,

0 0
AHIII = AG1_2 + (12.75+0.07)kcals/mole,

probably indicating that C1-methy1 substitution on three
coordinated ethylene-diamine ligands does not affect the
interligand repulsion forces. However, 01-dimethyl substi-
tution causes considerable steric strain in the tris diamine
complex and - AH?II for i-bn is very low,

It appears that in the absence of marked strain and
interligand interactions in the coordination sphere, the
stepwise enthalpy changes for the formation of Ni(II)
diamine complexes show the expected linear relationship to

ligand basicity.* However, the available data for dipyridyls3

*  AG°

{=n for an n-basic amine.
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do not fit the relationship (this system complicated by M-L
x -bonding), nor do the data for dien,121’39 or trien,19’38

although chelation by these may involve ring-strain (see

3-5.2b).

8-L4.2 The successive AH§ values

For en and pn

- AH?

0
- AH is > - AHII > I

o}
III
This order is opposite to that shown by AGO, and it is
interesting to note that AG§ has often been utilised as a
measure of AH§ for complex formation reactions. For i-bn
o . o}
- AHI is = AHII
discussed above).

(The low value for - AH®

>> - AH 111

o} y
IIT* is
For en and pn, the AH§ values when corrected for

C.F.S.E. contributions (see 8-4,3),

0 o)
AHN(corr) = My - AHC.F.(N) (from 7-3.L)
. 0 o) o)
still show the order - AHppp > = AH{7 > - AH;. (Table 8-7)
. o) o) o
For i-bn the order becomes - AHI > - AHII >> - AHIII'

The increase of-—AH§ with N for en and pn is
considered to arise at least in part from a solvation effect.
o o
It has been noted that (SML —Syr, ) decreases as n

- n-1
increases, and that SﬁL is > 8° (See 7-L4.L4) This has

" M(ag)*
been associated with a progressively smaller release of
water molecules from the outer hydration spheres of an
agueous metal ion as successive ligand groups are

coordinated’>? (7-4. 3 and 7-L4.4). The 'freeing' of solvent
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TABLE 8-7

*
Crystal field corrected enthalpy changes AHN(corr for
Ni(II)-diamine ligation in aqueous solution, 25 C

Li%%%%sgm en Pn spin—fré%:pgpin—paired
AHI(corr) =U4.35 -L.19 -4.86 -L4.86
AHII(corr) -6.97 -4.61 =-3.77 +290.5
AHIII(corr) -6.95 -7.70 -2,70 =297
AHI-II(corr) =11, 31 -8,.80 -8.63 +285.5
AR _11T(corr) ~18:26  -16.50 -11.33 -11.33

* Symbols defined in 7-3.L4.

water molecules is accompanied by an endothermic enthalpy

term which makes a greater contribution to AH? than to

0
> AHIII'

A similar incresse of AH§ with N has been noted for

o
AHII

some other complex formation reactions, viz., M+n(en) where

M=(Mn, Fe, Co)II and n=1,2,3, and Co(II)+n(dien), n=1 and
5, 135

8-4.3 The C.F.S.E, contribution to AH§

This was determined spectroscopically (see Appendix III).

The C.F.S. energies for some aqueous Ni(II) complexes are
listed in Table 8-8., The C.F.S.E. contribution to

pH] =C.F.S.E. for [NiL_]®* minus the C.F.S.E. for




169

TABLE 8-8

C.F.S.E. for six-coordinate Ni(II) complexes

Ligands

+ 6H20

x (en).uH20

# (en)2.2H20

* (en)3
(pn)2.2H20
(pn) 4
(i—bn).uHZO
(i—bn)2.2H20
(1-bn)3

+ Ref. 120

A nax fmp ) C.F.S.E. (kcals/mole)

1180 -29,07
1020 -33,62
953 -36.0

877 -39.15
917 -37. 30
875 -39.20
1087 -31.56
980 -35.0

953 -36.0

x Ref. 76, p. 296

* Ref. 76, p. 12L4.

[Ni(H,0)¢]2".

The AHO and AHO values corrected for

N 1-N

C.F.S.E. are given in Table 8-7.
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8-5 The Entropy Change

Variations in the entropy change are explained on the
basis of
(a) statistical contributions, and

(b) solvation effects.

8-5.1 Statistical contributions

These were calculated by the method outlined for cupric
complexes, 7-4.1. It was considered that the hexaquo Ni(II)
ion has six equivalent coordination sites. Account was taken
of the asymmetry of the pn and i-bn ligands., The corrected

AS§ values,

0 o
ASN(corr) = A8y = ASstat

are given in Table 8-9. 1
If the variation of Z&S§ with N arises solely from a ‘

statistical effect, then for each amine As§ values should be

related by
ASgI = AS? - x)e.u. where x = 3.1
and AS?II = (2 S(I)I" y)e.u. where y = 4.0

The values found for x and y were, for en 7.2 and 11.5, for
pn 6.2 and 8.2 and for i-bn -1.1 and -5.5 respectively. For
en and pn the observed x and y values are to a first approxi-
mation double those predicted statistically. Similar

approximate relationships have been observed by other workers.
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TABLE 8-9
Entropy data for Ni(II)-diamine coordination equilibria
Ligand en rn i-bn
AST e.u. 3.6 5.6 4.9
AS?I " -3.6 -0.6 6.0
o]
ASIII " -15.1 -8.8 1.4
o
ASI(Stat) " ,4—-95 6.3 6-3
o)
ASII(stat) " 1.82 32 3.2
(o) " - - -
ASIII(stat) 2 2 0.8 0.8
o]

AsI(corr) " -1.4 -0.7 -1.4
0

ASII(COPP) - -50)4' _3.8 2.8
o} " - =

ASIII(corr) 12,9 8.0 12.2

As® " -19.7 -12.5 13.6

I-III(corr)

8-5.2 ASE for successive reactions

0

For en and pn AS§ and ASN(corr

) decrease with
increasing N. This is typical for complex formation reactions
and has been attributeduo’77 to a change in solvent ordering
effects with 'degree of ligation'. This is substantiated by
the increase of AH§ with N (see 8-4.2).

However, for i-bn AS§ increases with N, and in
particular AS?II >> AS?I’ This sequence may arise from
(a) a marked incompatability between the peripheral structure

of the complex ion and the 'lattice' of the bulk solvent
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when the C1—substituent is gem dimethyl

(b) a small increase in solvent shielding by the ligand and
a corresponding decrease in solvent orientation as the
amount of non-polar organic matter about the metal is

increased.

8-5.3 The variation of ASy with the ligand

For n=1, Aé?corr) appears to be independent of the
ligand. For n=2 and 3 Asocorr) increases in the order
en < pn < i-bn. This seguence may correspond to an increase
in the effects (a) and (b) described above (8-5.2). The
entropy loss associated with interligand hindrance in the
coordination sphere of the i-bn complexes (see 7-L4.2 and
8=L4.1) is not apparent, and is probably comparatively small.

8-5.4 The standard molar entropies of agueous nickel(II)-
diamine ions

The standard molar entropies of the agueous complex
ions [NiL(aq)] #*, [NiL,(aq)]2*, and [NiL3]2+ have been
calculated by substituting the experimentally obtained

o .
AsN(corr) values into equation 7-3 (see 7-L4.L). The value
S§i++= -23.0e.u.139 (relative to S§+=0.0) was used.

S§. values are given in Table 8-10,
1Ln
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TABLE 8-10

The standard molar entropies of aqueous Ni(II)-
diamine complex ions

Ligand Sg(e.u.) S§1L(e.u.) S§1L2(e.u.) S§iL3(e.u.)
en )-IJ-I--5 '-1303 "7-6 "9-“-
pn “703 _908 "'003 6-L|»
i-bn 51.0 -6.8 13.6 h3.4
(cf. 8° = -23,0e.u. )39
Ni**(aq) )

) o
8-5.5 The variation of SNiLn with n
In Fig. 8-14, SgiL is plotted against n. For each
n
o) 0 0 o) . .
NiL3> SN1L2> SNiL > SNi(aq) (with the exception
is slightly low). As for the copper complexes,

ligand S

o
that SNien3
this sequence corresponds to an increase in ion solvation and

therefore to a decrease in solvent entropy (see 7-4.L4). For

both the copper and nickel complexes (S§L —SML) is slightly
2
less than (SﬁL-Sﬁ) when L=en or pn. Also (SI‘\?iL —S§iL ) is
3 2

less than (SﬁiLz-SﬁiL) for these two ligands. This order

suggests that substitution by a second (third) chelate group
is causing a smaller increase in solvent randomness than is
substitution by the first (second), (see 7-4.3). When L=i-bn
the reverse order is shown for all three terms. This may
arise from a rapid increase in the solvent-structure

breaking capacity of the complex ion [Ni(i-bn)naq]2+ as 'n'

increases.
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8-5.6 A comparison with sSuL values
“*n

The SﬁL values for the nickel-diamine complexes are
n
lower than those for the corresponding copper ones.
(M(i—bn)2 is an exception). This appears to be typical for

o}

Ni(II) and Cu(II) complexes. e.g., for SM(NH ) *
3/2n
n g® 89,
Cu(NH;) Ni(NH;z),,
1 -soue-u- "9.96.11-
2 +5.L|-e.u. —1.0e.u.
o) B ) _
Also SNi(trien) = 1.7e.u., whereas, SCu(trien) = 8.9e.u.
o 0
and SNi(tren) = —82.3+Strene.u., whereas,
o o 0
SCu(tren) - 8o'9+strene’u'

This phenomenon may arise from a lesser interligand inter-
action in the Cu(II) complexes. The Jahn-Teller distortion
in copper complexes gives each ligand molecule a greater
'free volume' within the coordination sphere., A ligand
coordinated to the copper(II) ion probably retains more of
its internal entropy than does one coordinated to a

nickel(II) ion., When a ligand forces both cations to adopt

* Calculated from Fyfe's data61owhen correctgﬁ for
statistical contributions. SNH =26.3e.u.

+ From data of Campiolini et al,, 38 corrected f8$
statistical contributions; S(trien)= 8Le.u. ¢
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the same coordination configuration, the SﬁL values become

n
o . o .
similar. e.g., SCu(tren) > SNi(tren)’ both complexes

probably have a cis-diaguo octahedral structure. -2

8-5.7 The variation of SC.. _with the ligand L

For both the copper agd nickel complexes SﬁL is
linearly related to Sy, Sy =Const.+S{ (Fig. 8-15). The
differences in sﬁiL values may arise predominantly from the
different internal entropies of the C1-a1kyl substituents on
the coordinated ligand L. (See 7-4.4) A similar relation-
ship SﬁL =C'+28§ exists for the bis diamine complexes,
though sNi(i_bn)2 is slightly high (Fig. 8-15). For the
tris diamine nickel complexes there is no such relationship;
effects other than the internal entropy of the ligand
substituent must make significant contributions to the
relative entropies of these complex ions. These effects
probably include the solvent-structure breaking and solvent-

metal ion shielding capabilities of the ligand.
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PART B

The diamagnetic nickel(II)-bis isobutylene diamine complex.

Thermodynamic data for the formation of this ion in
aqueous solution and for its reaction with i-bn to give the
paramagnetic tris salt are given in Tables 8-6 and 8-7, and

in section 8-2.

8-6 The Entropy Change and Complex Ion structure

(o]
ASI(corr) -1.1 + O.5e.u. (see 8-5.1)
The value for ASS

II(corr) (corrected for statistical and

electronic contributions) was calculated from the

relationships:
o o}
ASII(D,corr) = ASII(P,corr) * AS(P,D,corr)
and AS(P,D,corr) - AS(P,D) + R1n3 (see 8=2,2)

o .
(where ASII(D,corr) is the standard molar entropy change
for the reaction
[Ni(i-bn)aq]®* + i-bn = aia-[Ni(i-bn)aq %*
corrected for statistical and electronic contributions);

0
and therefore ASII(D,corr) = (10.7+0.9)e.u.

AS(P,D,corr) is positive, 9.4e.u. In the reaction
par —[Ni(i-bn)Qaq]2+ = dia-[Ni(i-bn)2aq]2+,
the two trans coordinated water molecules are either
liberated completely from the coordination sphere to give a

square planar four-coordinate diamagnetic ion, or they move
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away from the central metal ion to give a highly tetragonal

six-coordinate diamagnetic ion.* In both cases the entropy

of

the two water molecules will be increased; in the former

case each will gain three degrees of freedom of translation.

In

both cases there will be a loss of vibrational entropy

and a gain in librational entropy (see 3-5.3).

It appears that the diamagnetic bis complex is

essentially four-coordinate in agueous solution:

(1) Change of solvent or change of state from solution to

(2)

solid has very little effect on the d-d electron

transition energy (v in acetone, methanol, water

max.
and the solid state are 22,0, 22.2, 22.4, and 21,6kK
respectively).

The yellow-orange Ni-bis diamine perchlorate isolated
from agueous solution is anhydrous. Similar anhydrous
salts, NiL,X,, X:I:NOE, are isolated when L=tetrameen,
and in this case it is sterically impossible to co-

ordinate a fifth and sixth water molecule.

The increase in [D]/[P] with temperature suggests that

The latter probably occurs for the Ni(II)-bis(meso-2,3-
diaminobutane) complexes in agqueous solution; addltlon
of electrolgte increases the percentage dia form in
solution.’

Also, dia4N1(m-st1en)2](01 CH.CO00),.$H,0 has a trans di-

agquo tetragonal structure in the solid state. Addition
of water to a solution of this complex in acetone
increases the percentage dia form. Water displaces the
anion and reduces the L.F, s strength in the trans planar
rositions.
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water molecules are being lost from the coordination
sphere through increased thermal vibration.
o] _ . 2+
(L) ASI_II(COPr)—9.6e.u. cf., for [Nl(tetrameen)Q] ,
£
14.1e.u., and this ion must be four-coordinate (8-8.1).

Assuming that the aqueous Ni(II)-bis diamine ion is essen-

o —
NiLz_
This value is much lower than those for [Cu(i—bn)2]2+ (13.7)

tially four-coordinate, the value S -11.6e.,u. results.
and para—[Ni(i-bn)zaq]2+ (12.4), and may be due to

(a) a less effective shielding of the solvent from the
charge on the central metal ion, and

(b) there being no contribution to SﬁL from the

n
vibrational degrees of freedom of coordinated water molecules

in the diamagnetic ion.

8-7 The Enthalpy Change

8-7.17 C.F.S.E., Contributions

The C.F. contributions to AH7; and AHJ ; have been
determined spectroscopically. The C.F.S.E. for [Ni(i-bn)3]2+
is given in Table 8-8. For the diamagnetic square planar
bis diamine ion, the C.F.S.E.=2.456 A', where A' is the

C.F. splitting between the dx and dx2—y2 orbital energy

y
levels. (Appendix III). The energy change for a transition

between these levels in dia-[Ni(i—bn)2]2+ corresponds to an

* From Ref. 3, AS

1-77 corrected for statistical
contributions.
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absorption in the visible spectrum at 454mpu. For dis-
[Ni(i-bn),]%* the C.F.S.E.= -327kcals/mole (see Appendix III)
ef. for.ggg_—[Ni(i—bn)zaq]2+ C.F.S8.E.= -35.0kcals/mole. For
the reaction [Ni(E,0)g]%* + 2(i-bn) = dia-[Ni(i-bn),]%* +
6H2O, the C.F. contribution to

A -298kcals/mole (from 7-3.4).

Hro11 =
The corrected AH§ values are given in Table 8-7.

On the basis of bond energies alone, the paramagnetic
bis diamine complex is far more stable than the diamagnetic
complex. This stability is very nearly offset by the much
larger C.F.S.E. for the diamagnetic ion. For the latter ion,
- AH:C[)I is very low (highly endothermic) because in the reaction
[Ni(i-bn)(HZO)u]2+ + i-bn = dia-[1i(i-bn),]%* + LHO ,
four Ni-O bonds are being endothermically broken while only
two Ni-N bonds (of similar strength to Ni-0) are being exo-
thermically formed. On the other hand, - AH?II is very high

as it contains no endothermic term for bond-breaking:

[Ni(i-bn),]%* + i-bn = [Ni(i—bn)3]2+

8=7.2 The approximate Ni-O and Ni-N bond energies

From the AH§ values discussed above it is possible
to calculate the approximate Ni(II)-primary N and
Ni(II)-OH2 bond energies for hexacoordinate Ni(II) in aqueous
solution at 25.0°C (ignoring all interligand and solvation
effects).

For the reaction
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[Ni(H,0)g]%" + i-bn = [Ni(i—bn)(HQO)u]2+ + 2H,0,

MHD 5 2AHy, = 2AHg o = -i.9keals/mole,
and for the reaction
[N1(i-tn)(H,0),]%* + i-bn = dia-[Ni(i-bn),]1%* + LH 0,

O -
AHII i QAHNi—N - 4 AH 290.5kecals/mole,

Ni-0 ~
from which

AH -148kcals/mole

Ni-0 =

and AH -150kcals/mole.

Ni-N =
From this data the value predicted for AH?II, ignoring
solvation, interligand repulsion effects, etc., is
-300kcals/mole. (Found, -297kcals/mole.) Considering the
drastic approximations made above and the uncertainty in the

electron pairing energy assumed in deriving the C.F.S.E. for

dia-[Ni(i-bn)2]2+, the agreement is quite good.

8-8 The Existence of Dia-Para FEquilibria for Ni(II) Complexes

The dia-para equilibrium shown by the Ni(II)-bis iso-
butylenediamine complex is shown by other nickel complexes
also. e.g., the Ni(II)-bis m-stien ion exists as an equi-
librium mixture of spin-free and spin-paired forms in
aqueous solution, K=[P]/[D]= 2 at 20°C, dichloroacetate
141

anion. The effect of solvent composition on this equi-
librium has been studied, and X-ray structural determinations
made for the hydrated diamagnetic and paramagnetic salts.“”2

(See footnote p.177.) The bis dl-stien complexes exist only
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as paramagnetic species in aqueous solution.ﬂj'1

Some Ni(II)-bis diamine complexes occur as diaguo
paramagnetic ions [NiA2(H20)2]2+ at room temperature but at
elevated temperatures exist as diamagnetic species in agueous
solution, e.g., A=en, pn. Substances like this can usually
be isolated as both anhydrous diamagnetic and hydrated para-
magnetic salts, the latter usually being the more stable in
air at room temperature. Heating the hydrated salt or
controlled crystallisation can produce the anhydrous
diamagnetic salt.“43

Some nickel complexes occur only as a diamagnetic
form in acueous solution and in the solid state, the solid
being anhydrous, e.g., K2Ni(CN)u, Ni(tetrameen)Xz,
X=1", NOE. 5 With these two ligands no six-coordinate
Ni(II) analogue exists.

The factors influencing the existence of dia- and

paramagnetic forms are discussed below.

8-8.1 Steric hindrance vs. ligand field strength

The C,F. splitting A' increases with ligand field
strength, i.e., with ligand donor power, When A' is
greater than the electron pairing energy (Appendix III) then
a d8 system will change from a 'spin-free' state to the more
stable spin-paired diamagnetic state. In the reaction
between the aqueous Ni(II) ion and CN~ this change has

occurred when four CN groups are coordinated,
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([Ni(CN)u(HZO)z]Z—). The change in electronic state is
accompanied by the lateral displacement of the two trans
coordinated water molecules to give a sguare planar four-
coordinate complex [Ni(CN)u]Z-. Although energy is
required to liberate the two water molecules, this reqguire-
ment is more than met by
(1) a vastly increased C.F.S.E.
(2) increased strength of the in-plane coordinate bonds

due to a bond-shortening
(3) decreased interligand repulsion.
However, ligand donor power is not the factor responsible
for Ni(II) forming diamagnetic sguare planar complexes with
some diamines while giving spin-free six-coordinate complexes
with others. If it were, then the expected order of
preference for the square planar structure would be the same
as the order of basicities, e.g., en > pn > eten > i-bn >
tetrameen > m-stien. This order is not observed.

The preferential formation of square planar dia-
magnetic Ni(II)-bis diamino ions results from steric
hindrance in the coordination sphere. With the ligand
tetrameen it is sterically impossible to form a tris-diamine
complex or a bis diaquo bis diamine (paramagnetic) Ni(II)
complex. Hindrance occurs between any approaching donor
atom and the gem dimethyl groups of ligands in the co-

ordination sphere (of[Ni(tetrameen)2]2+). For the ligands

m-stien and i-bn a similar though lesser hindrance exists
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(m-stien < i-bn). With these ligands an equilibrium mixture
of spin-free and spin-paired Ni(II) complex ions exists in
aqueous solution at 2500. Because of this steriec hindrance
- AH® for the reaction

2+
]

+i-bn = [Ni(i-bn)g]%" + 2,0

[Ni(i-bn),(H0) 5

2
is very low ( 3.70kcals/mole). The tris salt has a very low

#4 a slight lengthening of the Ni-N bonds

C.F.S.E. implying
to reduce the interligand repulsions in the coordination

sphere.

8-9 Correlations with Previous Work

3

Basolo et al.” have determined the formation
constants at I=0.65m/1 (Ba(N03)2, KNOB) for the equilibrium
reactions between the aqueous Ni(II) ion and pn, and i-bn,
(also d1-bn, m-bn, tetrameen, dl-stien, m-stien). In

general their results compare favourably with those obtained

by extrapolation of the data in Table 8-3 to I=0.65m/1.

TABLE 8-11

Ni(II)+C1-a1ky1 1,2-diaminoethanes, 25.0°C. 1=0.65m/1

This work: Literature value:3
Ligand logKI log KII logKIII 1ogKI 1og‘KII logKIII
pn 7.36 * L.L46 7.43  6.19 L.27

i-bn 6.90 5.66 1.42 6.77 5.40 2525
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For the Ni(II)-1,methyl 1,2-disminoethane system Nasanen et

al.“‘LL have obtained the following values at I = 0.00m/l,

25°C :
logKy 7.29, logkyq 6.14, logKiyq 4.18; ef., this work
7131, 6.25, 5.11 respectively.

No enthalpy or entropy data has been recorded

elsewhere,
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CHAPTFR NINE

GENERAL DISCUSSION

9-1 Relationships between Ligand Structure and
Complex Stability

This discussion is confined to aliphatic diamine

ligands.

N-substitution: The effect of N-alkyl substitution on the

stabilities of Cu(II) and Ni(II) ethylenediamine complexes
has been studied and comprehensively discussed by several
workers (see 3-5,1c¢c). The stabilities of these complexes

are very dependent on the amount of interaction between the
N-alkyl substituents and other ligands within the coordi-
nation sphere. The basicities of the amines vary little

with either the degree of N-alkyl substitution or the nature
of the alkyl chain, yet factors such as steric hindrance
within a complex and solvation of a complex depend critically

on the nature of the substituent.

C-substitution: Regarding C-substitution, Rossotti31 has

written: '"The replacement of a diamine by its C-alkyl
analogue appears to have little effect on the stability of
proton, nickel or copper complexes. The slight increase in
stability appears to result mainly from a favourable entropy
change which may be ascribed to the increased (solvent)

structure-breaking effect of the ligand.'" Rossotti's
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comments were based on temperature coefficient data avail-
able at the time.

91—substituted 1,2-diaminoethanes. This work has shown that

the stability of the proton complex decreases when 1,2-
diaminoethane is replaced by its simple C1—a1ky1 analogues.
The decrease appears to arise from a variable solvation
energy term (6-2.2), and becomes more marked with increased
C1 substitution.

This change in ligand basicity (or donor power) is
reflected by the stabilities of the Cu(II) and Ni(II)-

diamine complexes. For the formation of the agueous

2+ 2+ 2+
’ o 9

complex stability is approximately linearly related to the

complexes CulL CuL and NilL"", L=en, pn or i-bn, the
ligand basicity, both decreasing with increasing C1—alky1
substitution.

However for the nickel bis and tris diamine complexes
the stabilities increase markedly with 01—alky1 substitution,
the stabilities for L=en < pn < i-bn. This increase arises
from an entropy term which is possibly associated with the
solvent lattice-breaking capacity of the C1—alky1 substituent,
and which increases with C1-a1ky1 substitution. TFor the
nickel complexes this entropy effect first becomes significant

for [Ni(i-bn)zaq]2+, for which K;; & K; (see 8-3,2). This

1T
effect is not apparent for the Cu(II) analogue.

The ability of a coordinated diamine ligand to
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disrupt the 'lattice' and increase the entropy of the
surrounding solvent probably increases with the chain length
of the C,-alkyl substituent (for small substituents). If
so, then 1-ethyl 1,2-diaminoethane which has a similar
basicity to 1-dimethyl 1,2-diaminoethane (Table 6-6) should
form Ni(II) complexes which are markedly more stable (as a
result of a more favourable ligation entropy). Eguilibrium
constants have been measured for the Ni(II)-eten system and
the results are summarised in Table 9-1 and on Fig. 9-1.

( AH and AS values were not derived because of a lack of
the diamine.) The Ni(II)-eten complexes are markedly more
stable than the corresponding Ni(II)-i-bn ones, cf. Table
8-3 (and the bis and tris complexes more stable than the
corresponding en and pn ones in agueous solution). Since
AG$_2 (and AH?_Z) is approximately egual for eten and i-bn
protonation (i.e., each diamine has a similar donor power)
then the higher stabilities for the Ni(II)-eten complexes
probably arise from more favourable entropy terms. For the
tris complexes comparison is possibly complicated by the
existence of marked steric hindrance in the coordination
sphere of the i-bn complex.

For the Cu(II)-diamine complexes, entropy effects are

not so apparent. The stabilities of the Cu(II)-bis diamine
complexes are approximately linearly related to the ligand

basicity. If AG?_II is plotted against N&?_z (Pig. 9-2)
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TABLE 9-1

Equilibrium formation constants for the Ni(II)-eten system,
25.00+0.01°C, agueous NaC10, /Ba(C10) ), media

Ionic
strength LogK, (£0.011) LogK, (£0.011) Logk,  (+0.014)
I 11 111
0.200m/1 7.326 6.606 5:245
0.150 " 7.290 6.663 5.338
0.100 " 7.292 (6.594) (5.366)
0.040 " 7.267 6.731 5.631
LogK7] Logk 71 LogK T11
0.000 " 7.252 6.77 5.738

it is seen that AG?_II for the eten complex is anomalously
high. However, the high free energy change appears to be as
much a result of a high (negative) enthalpy change as of a
high entropy change. (Table 7-5)

It follows from these observations that Ni(II)
complexes NiL§+, NiL%+ (and possibly copper complexes
CuL§+) may show a marked stability when L is a C-n-alkyl
substituted ethylenediamine ligand with a long alkyl substi-
tuent, say, 03, Cu i b o» On the basis of data in Table 6-6
it can be postulated that the basicity of such a ligand, and
therefore its donor power, would not be markedly lower than

that for 1-dimethyl 1,2-diaminoethane. Therefore for the

Ni-nL equilibrium system both the ligational AH and AS
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should favour formation of very stable complexes.

§1Qn symmetrically substituted 1,2-diaminoethanes: The
stabilities of the Cu(II) mono and bis diamine complexes
increase with the degree of C-substitution, viz., en < dl-bn <

tetrameen.3

This order corresponds to that of decreasing
basicity and donor power of the ligands. The order of
complex stabilities arises from an increasing entropy of
ligation attributable to an increasing solvent structure
breaking capacity of the coordinated ligand. For the Ni(II)
complexes logKN(en) < logKN(dl-bn) for N=I and II, (as for
the Cu(II) complexes). The order of stabilities is reversed
for KIII’ probably due to steric hindrance between adjacent
ligands in the [Ni(dl-bn)3]2+ complex (ef. [Ni(i-bn)s] &y,
The tetrameen complexes are not comparable; [Ni(tetrameen)2]2+

is a four-coordinate diamagnetic ion.

l,3-diamines: Although 2,2'-dimethyl 1,3-diaminopropane is

a weaker base than 1,3-diaminopropane it forms slightly more
stable Cu(II) 1:1 and 1:2 complexes. The higher stabilities
arise solely from more favourable entropy terms which can be
associated with the breakdown of the solvent 'lattice'
structure through the intrusion of the 2,2-gem dimethyl

functional groups. (Table 9-2)




190

TABLE 9-2

Thermodynamic data for Cu(II)-1,3-diaminopropane
complexes, 3000.119

Cu(ag)®* + nL = CulL2* + 2nH,0
8 Ryl (kcgﬁg/mole) (2?&.)
1,3-pn 1 -13.13 -14.0 -3
" 2 -9.55 -13 ~4 2
(2,2')1,3-pn" 1 ~13.57 12 A7
2 -10.17 —12 -7

* 2,2'-dimethyl 1, 3-diaminopropane

9-2 The Irving-Williams Order of Stabilities.

From 3-5.2

8H om = AHp + AHy

Mg) * Mgomn(ur ) * n( Ay + MHgn(1))

where AHcom is the enthalpy change for the reaction

M2*(g) + nL(ag) = [PALn]2+(aq).
For a given ligand n( Ao+ AHsoln(L)) is constant and
AHsoln(MLn) will be approximately constant if n is constant,
the metal ions are similar (e.g., divalent transition metal
ions), and the complexes MLn have the same or very similar
structures. Therefore, to a first approximation AHc is

om
directly proportional to AH(g) the enthalpy change for
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ligation in the gas phase. It is advantageous to consider
AH(S) rather than AHL because AH(g) gives a direct
measure of the metal-ligand bond energies and does not
include terms for the solvation energy of the aquo and
complex ions (see 3-5.2).

-AH, . for the reactions (Mn, Ni, Cu, Zn)(II)+2en
are given in Table 9-3, in which - AHL and - AHH have been

corrected for C.F.S.E. contributions by using the data in

7-3.4 and 8-4. 3.

TABLE 9-3

Enthalpy data for the hydration and solution ligation of
some divalent transition metal ions at 2500

-AHL(kc/m) -AHH(kc/m) -AH (ke/m) (11+I2)*(kc/m)

com
Mn2* 6.00 651, 660.0 531.,9
Ni2t 11, 31 686.9 698. 2 594 L4
cu’t 10,7 691.1 701.8 645.8(633)
zZn>* 13,75 701.1 714.8 630.5
(Ref.135) (Ref.63) (Ref.63)

For this system the Transition Series Contraction Energy

E, (defined in 3-6.1(d)) is -6L.7kcals/mole, which is quite

typical for strong coordinating agents (see Ref. 63,

pp.L431-7).

4 The sum of the first two ionisation potentials for the
gaseous atoms.

* 21 calculated for the loss of two Ls electrons. Ref.79a
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62’67 drew

Irving and Williams attention to the paral-

lelism between heats of ligation and ionisation energies.
Crystal Field Theory (3-6.1(c)) does not require that a

linear relation exist between AHc and (I1+12) but that

om

AHcom should increase steadily with (I1+12). These

functions are plotted against each other in Fig. 9-3. The

striking feature is the anomalously low value of - AHcom

for Cu(II) (= - AH, o for Ni(II))., The same anomaly occurs
for the - AHH values,

2), then AH; for
Cu(II) ligation would be approximately the same as for

If AH; were proportional to (I1+I

Zn(II). For the reactions between Cu(II) and en, pn and
i-bn, the corrected -AHI—II values are approximately equal
to the respective values for the reactions of the Ni(II)
ion (Tables 7-6 and 8-7) and << the values for the Zn(II)

*
ion. The low - AH_ _ values for Cu(II) complexes are at

om
least in part a result of Jahn-Teller distortion. This dis-
tbrtion involves an elongation along one coordinate axis;
water molecules coordinated along this axis are endo-
thermically displaced to an eguilibrium position further
from the metal ion. The endothermic term causes - AHL to be

low for Cu(II) ligation. To a first approximation complete

removal of two water molecules from an aqueous Ni(II) ion

* Data available for Zn(II)-en system only.
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requires 296kcals/mole, Therefore by analogy it is necessary
to invoke a small displacement only in the Cu(II) complex to
account for the comparatively low enthalpy of ligation.

The Jahn-Teller distortion in the [CuL_(aq)]%*
complexes possibly increases as n increases. This is
suggested by the (spectroscopic) C.F.S. increments between
[Cu(aq)]2+ and [CuL(aq)]2+, and between [CuL(aq)]2+ and
[CuL2]2+ (see 7-3.L4 and 7-3.5).

9-3 The Chelate Effect

For a definition of this effect and a discussion of

examples, see 3-5,3(c).

The phenomenon was first discussed by Schwarzen.bachj23

He considered that, following the formation of a unidentate
intermediate M-A—A* in the reaction between a metal ion and
a chelate AA*, the probability of a second donor group (—A*)
coordinating is far greater than would be the case for the
reaction of the metal ion with two monodentate ligands.
Following the formation of M—A-A* there is an increase in the
'apparent activity' of the donor groups (-A*) in the viecinity
of the metal ion. This increase will not occur for mono-
dentate ligands. On this basis the chelate effect should
decrease with increasing length of the chelate chain because
the 'free volume' of the donor —A* will increase with chain

length. i.e., its 'apparent activity' near the metal ion
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will decrease., It is well established that there is a
decrease in the chelate effect as the chelate chain length

123,147 148

is increased (Ag(I) and Hg(II) are exceptions).
Schwarzenbach's postulate reguires that the chelate
effect be entirely an entropy effect. For non-transition
metal ions it is almost entirely an entropy effect. For at
transition metal ions, (nx 0,5,10) it is mainly an entropy
effect, but is contributed to by an enthalpy effect.

9-3,1 The Ni(II) and CQLII)—C1-substituted
ethylenediamine complexes

A comparison with Ni(II) and Cu(II)—ammonia complexes

When considering the chelate effect for complexes
with ethylenediamine-type ligands it would be most appro-
priate to compare stabilities with those of the eqguivalent
methylamine complexes. However, data are not available for
the latter,

For the formation of the C1-substituted ethylene-
diamine complexes of Ni(II) and Cu(II) a measure of the
chelate effect is obtained by considering the following
reactions:

[M(aq)]®* + oL = [ML_(aq)]®* + 2nH,0 . . . &5
[M(aq)]%t + 2n(NHz) = [M(NHg), (aa)F* + en(H0). . as'
[M(NH3)2n(aq)]2+ +#nL = [ML_(aq)]?* 4 2n(NHg). . A4S

_ _ v _ QO _ a0 0 _ o}
AS, = A4S AS = SMLn S + 2nSNH nS

ssessssscssses 9I=1
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AS and AS' are corrected for statistical contributions;
the net statistical contribution to ASc is small and
favours chelation. Values of ASc for Ni(II) and Cu(II)

complexes with n=1, 2, and 3 are given in Table 9-4. The

g2 values were obtained from Fyfe's data61
M(NH3)2n

(corrected for statistical contributions):

O — — — —

SNi(NHB)Zn = -9.9, -1.0 and 3.5e.,u. for n =1, 2, and 3,
respectively

8 = -5.4 and 5.4e.u. for n = 1 and 2, respectively.

Cu(NHB)zn

TABLE 9-4

The chelate (entropy) effect for some 1,2-diamine-
metal amine replacement reactions

n Ligand (SﬁiLn-Sﬁi(NHj)zn)e.u. (2nS§H3-nSE)e.u. AS,

1 en -3.44 8.1 L.7
1 pn 0.1 5s 3 e dy
1 i-bn 3.4 1,6 5.0
2 en -6.6 16,2 9.6
2 pn 0.7 10.6 11.3
2 i-bn 14.6 342 17.8
3 en -12.9 24.3 1.4
3 pn 2 T 15.9 18.6

3 i-bn 39.9 L.8 Lh.7
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n Ligand (SguLn“Sgu(NHB)Zn)e‘u' (2nS§H3—nS§)e.u. As,

1 en -L4.2 8.1 39
1 pn -1.3 5.3 L.0O
1 i-bn 242 1.6 3.8
1 eten 4.8 -1.4 3.4
2 en -3.2 16.2 13.0
2 pn 2.7 10.6 13.3
2 i-bn 8.3 3.2 11.5
2 eten 15.7 -2.8 12.9

Within experimental error ASc is independent of the

central metal ion (Cu(II) or Ni(II))

AS, = L.3+0.6e.u. for n=1 (This value also applies for
the Zn—NH3-en,29 Cd—NH3-en,66 and
Cd-MeNHz-en66 reactions).

AS, = 12.6+1.Le.u. for n=2 (This value also applies for

the Zn-NHB—en29 and Cd—NHB-en66 reactions).

Theories on the entropy contribution ( ASC) to the
chelate effect require that it be independent of the metal
ion.53’123’ﬂ*9 For n=1 or 2 the effect observed here
appears to be independent of the structure of the 1,2-diamino
ligand. (n=2, L=i-bn an exception) For n=3 (Ni(II)

complexes) ASC is not constant but increases rapidly with

the degree of C-substitution on the ligand. This increase
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can be related to the increasing solvent-structure breaking

capacity of the coordinated ligand; this effect decreases

0

the second-sphere hydration and increases SWiL (see 8-5.5).

3

9-3,2 The origin of the ASL term

The component terms of ASc for the bidentate-mono-

dentate replacement reaction (equation 9-1) correspond to

(1)

(2)

A gain of translational entropy by the freed NH3 mole-
cules and a loss of translational entropy by the co-
ordinating chelate. The net term will be positive and

will favour chelation. (From the Cobble equation,87c

(o]

stranszNHj(g)=683°u-, en(g)=38e.u. )

A small gain in internal entropy by the NH3 molecules
and a large decrease in internal entropy for the
chelate. The chelate will lose its rotational entropy
and its vibrational modes will be modified. The net
term will probably be small and negative.

A loss in solvent entropy due to the low solvation
entropy of two free NH3 ligands in agueous solution
(-4Oe.u,) compared with a free en ligand (-31e.u.).

A term resulting from a change in second sphere hy-
dration; probably a small positive contribution due to
better shielding of the solvent from the charge on the

metal ion when L is a chelate.
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9-32.3 The enthalpy contribution to the chelate effect

For non-transition metal ions and transition metal

10

ions with do, d5, and d configurations the enthalpy effect

is approximately zero. e.g., for the reactions

[ca(wig), 1° + n(en), n =1, 2

[Cd(NHQCHB)Qn]2+ + n(en), n=1, 2

1]

—
-

\e]

and M(pyr)2n + n(dipy), n M = Mn(II), Zn(II)

AHchel = 0.

For transition metal ions the enthalpy effect contri-
butes approximately 30 to 50% of the energy involved in the
chelate effect. This is shown by the data in Table 9-5
which compare the thermodynamic functions for the Ni(II)-
n(pn) and Ni(II)—Zn(NHB) reactions.

Atkinson et al.53 have deduced that the enthalpy
effect arises predominantly from the higher C.F.S.E. term
for chelate complexes, and hence the approximately zero
enthalpy terms for non-transition metal ions, Zn(II) and
Mn(II). The data in Table 9-5 fit this deduction. The
C.F. corrected AH values for the Ni(II)-n(pn) and Ni(II)-
2n(NH3) reactions are approximately equal for n=1 and n=2.
Small enthalpy contributions may arise from the relative
solvation energy terms for the complex ions and for the
free solvated ligands. When polydentate ligands
( > bi-) are considered (e.g., dien, trien, tren), chelate

ring strain, the presence of weak secondary or tertiary
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TABLE 9-5
Thermodynamic data for pn and NH3 complexes of Ni(II)
- AG - AH - AH(COPP) + AS +1?AS(COPP)
(kcals/m) (kcals/m) (kcals/m) (e.u.) (kecals/m)
Ni(II)+n(pn)
0= 9 9.97 8.29 L.19 5.6 0. 21
2 8.52 8.71 L, 61 -0.6 -1.13
3 6.97 9.60 7.70 L. 2 -2, 38
Ni(II )+2ngNH3_2
n =1 6. 79 Fie; L. L -0.7 -1.82
2 3092 700 L‘--L;- _1003 -3007
3 1.00 g .3 -20.1 =L, 38
( AH is the enthalpy change corrected for C.F.S.E.

corr
contributions,*)

amino donors, and the necessary adoption of less stable

configurations by the central metal ion (e.g., Cu(tren)2+

32

is a cis-diaquo distorted octahedron) lower the enthalpy

contributions to the chelate effect.

* For the ammine complexes, C.F.S.E. calculated from
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CHAPTER TEN
SPECTROSCOPIC STUDIES

10-1 Introduction

Infrared and charge transfer spectra have been
measured for the complexes involved in the thermodynamic
studies. It was not considered that the spectral and
thermodynamic data obtained would be supplementary. Rather
an attempt has been made to characterise some of the
important vibrational and electroniec quantum transitions
involved in these typical coordination compounds.
Deuteration studies on some transition metal(II)-diethylene-
triamine complexes have facilitated infrared spectral
assignments for vibrations within coordinated 1,2-diamines.
Studies on some structurally simple amine complexes have
led to infrared spectral assignments for the M(II)-primary N
vibratory mode. Some infrared absorptions characteristic
of coordinated water molecules have been discussed and the
characteristic vibratory modes considered group

theoretically.
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10-2 Infrared spectra for Ni, Cu and Zn(II)—diethylene-
triamine complexes and their N-deutero derivatives

The infrared spectra (uOOO-uOOcm-1) for mono- and bis
diethylenetriamine (dien) complexes of Ni, Cu and Zn(II)
were measured. The study was made firstly to facilitate a
more complete characterisation of the infrared spectra of
transition metal polyamine complexes, and secondly to deter-
mine the types of coordination involved in these solid dien
complexes. The dien ligand is related to the important
basic chelating unit N-C-C-N, and contains the poorly
characterised 2° amino group. The Ni, Cu and Zn(II)
complexes are of particular interest because
(a) the salts M(dien)2 H,0X, are isostructural, and
(v) thermodynamic data for their formation in agueous
solution (discussed below) suggest that in solution the bis
dien salt of Ni(II) is a normal hexamine, while those of
Cu(II) and Zn(II) have non-coordinated amine groups.

Deuteration of the complexes has led to assignments
for all the fundamental vibrations of the coordinated
ligand, and for vibrations and librations of coordinated
water. New assignments made are for the =N-H deformation
mode at 1480+10em™ ', the C-N stretch at 1150+10cm™ ', and
the -NH, wagging mode at 1250+5cm™ .

The preparations and properties of the new zinc

complexes are reported.
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10-2.1 Historical

In 1948 Breckenridge151 reported the preparation and
properties of the Ni(II) and Cu(II) diethylenetriamine
complexes M(dien)2X2H20 and M(dien)x2, x:ciIBr'. He
considered that
(1) the Dbis complexes contain lattice water and not co-
ordinated water because dehydration of the solids is
difficult,

(2) both the Cu(II) and Ni(II) bis complexes are normal
hexamines.

Brooks152

observed that the copper and nickel
complexes M(dien)2H2OCI2 are isostructural. Assuming nickel
to be hexa-coordinate, he deduced that copper also exhibits
six-covalency.

However, the enthalpy changes for the nickel, copper
and zinc(II)-dien ligation reactions in aqueous solution39
suggest that the agueous Cu(II) and Zn(II) bis complexes
have fewer than six amino groups coordinated (see Table
10-1).

The Ni(II) bis dien complex with - AHp_;=25.30kcals/
mole appears to be a hexamine cf., - AHI-III[Nien3]2+=

-23.84kcals/mole. However, consideration of the thermo-

dynamic data for the aqueous reactions

Cu(II) + 2en, AHy_ 11 = -25.l4kcals/mole
Zn(II) + 2en, AHy 17 = -13.75 "
and Ni(II) + 3en, AH;_;;; = -28.35 " (Ref. 135)
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TABLE 10-1

Thermodynamic data for Ni, Cu, and Zn(II) - dien complexes

in aqueous 0.1M KC1, 25°C

N12+ Cu2+ Zn2+
- AH; (kecals/mole) 11.85 18,00 6.45
-~ AHII i 13.45 8.15 10.15

- MH{_1q " 25. 30 26.15 16.60
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suggests that the agueous Cu and Zn bis dien complexes have
fewer than six and probably five amino groups coordinated to

the metal ion: [M(dien)2H20]2+.

10-2,2 Experimental

All spectra were determined using a Perkin Elmer 221
Spectrophotometer with NaCl/grating, KBr and CsBr optics,
and using nujol and hexachlorobutadiene mulls. Amino groups
were deuterated by twice crystallising the complexes from
DZO using a vacuum line technique., Deuterated samples were
stored in vacuum over P205. All spectra indicated that at
least 9L4% deuteration was achieved., Wavenumbers are quoted

with a tolerance of.13cm-1.

Preparation of Complexes

LCu(dien)zggolcleand [Cu(dien)zﬂzgjggzz Deep blue crystals
prepared by the method of Breckenridge‘?1 The complexes could
not be dehydrated by prolonged heating in vacuo over P205.
([Cu(dien)2H20]012, found: C, 26.79; H, 8.21; N, 23,02.
Calculated for [Cu(dien)2H20]012: C, 26.79; H, 7.87;

N, 23.42. [Cu(dien)szo]Br found: C, 21.66; H, 6.L40;

2’
N, 18, 34. 08H28N6OCuBr2 requires C, 21.46; H, 6.30;
N, 18.78).

[Cu(dien)c1]Cl: Prepared by slowly adding a hot ethanolic

solution of CuCl, (0.03mole) to a hot solution of dien
(0.,03mole) in alcohol. Tarry residues formed were dissolved

by digestion, then the solution was evaporated to small
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volume and crystallisation induced by addition of acetone.
The complex was twice recrystallised by Soxhlet extraction
into ethanol. (Yield 30%) Blue leaflets, m.pt. 237.5-238°C.
A hemihydrate was obtained by evaporation of an agueous

solution (wt. % H,0, 3.90; required for [cu(dien)c1]C1iH 0,

2
4.21.) Found: €, 19.94; H, 5.77; Cl, 30.50. Calculated for

[Cu(dien)c1]cl: ¢, 20.28: H, 5.47; C1l, 29.85.

|Ni(dien)2§20101ﬁ and [Ni(dien)éﬁgolBrQ: Blue-violet

crystals prepared by the method of Breckenridge’.51

([Ni(dien)2H20]012, found: €, 27.37; ¥, 2332,

g¥%8b%pN1012 requires C, 27.15; N, 23,74. The solid could
not be dehydrated under vacuum over P205.) ([Ni(dienJZHéﬂBr
found: Br, 36.07. Calculated for [Ni(dien)szo]BPQ,

2 ’

Br, 36.08. The solid rapidly dehydrated at 130°C. Wt. %
H,0, by weight loss at 130°, 3.8. [Wi(aien) Hi,0]Br,
requires L.1.)

iﬂi(dien)Clz]: NiCl, (10g) in alcohol was added with stir-

ring to a solution of dien (10.1mls) in alcohol. Pale green
crystals precipitated from a solution of the same colour.
The yield was increased by addition of acetone. The crude
material contained some Ni(OH)2 and was recrystallised from
ethanol by Soxhlet extraction (Yield 60%, m.pt. 300°C(d).)
In the atmosphere the compound rapidly formed a pale blue
monohydrate which readily dehydrated at 105°C. (Found:

¢, 20.80; H, 5.99; N, 17.91; Ni, 24.L4. Calculated for
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[Ni(dien)Cl,] C, 20.62; H, 5.63; N, 18,05; Ni, 25.2).

Lﬂijdien)Brz} The preparation was as for the chloride ana-

logue. Pale green crystals, yield 25%. In the atmosphere

it formed a pale blue monohydrate which rapidly dehydrated at
115°C, (Found for the hydrate: C, 14.23; H, L4.87; N, 12.26.
CuH15N30Br2Ni requires C, 14.13; H, L.42; N, 12, 36, H,0 by
weight loss at 115°C, 5.2; required, 5.3.) The product is
very soluble in water and dimethyl formamide, sparingly
soluble in iso-propanol and absolute alcohol (blue solutions)
and insoluble in acetone. It gives a green solution in n-
butanol, € 11.0(980mpu ), 8.4(630mp), 20(372mpu |,

max.,
shoulder on charge transfer band).

|Zn§dien22§ 01C1,: 2ZnCl, (3.4g) in water (10ml) was slowly
added to a solution of dien (5.4ml) in alcohol (L4Oml).
Crystallisation was induced by cooling and addition of
acetone. The white solid was crystallised from 50%
agueous-alcohol solution (Yield, 55%). M.pt. 251°C. (Found:
C, 26.90; H, 8.,08; Zn, 18.05. Cgll,gNgOC1,Zn requires

C, 26.64; H, 7.83; Zn, 18.13. Dehydrated at 105°C, wt.%
H,0, L4.8; monohydrate requires 5.0).

[fn{dien)C1]C1l: The stoichiometric quantity of ZnCl, in the

2
minimum volume of water was added to [Zn(dien)2H20]012 in

absolute alcohol. The solution was filtered and evaporated
to half volume (water bath). Large white crystals separated

on standing; the yield was increased by the addition of ether.
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The solid was recrystallised from absolute alcohol and dried
at 105°C. (Yield, 65% from 0.015 mole). M.pt. 229°C.

(Found: ©, 20.19; H, 5,80; C1l, 29.15. C)H; 3N5C1,%n

3
requires C, 20,07; H, 5.47; C1l, 29.61.)

Infrared spectra: Table 10-2 lists assignments of the

absorption bands shifted upon deuteration; the amine
stretching and deformation modes and the C-N stretching
mode., Table 10-3 lists assignments of ligand absorptions
unaltered by deuteration; the C-C stretching, methylene
group and chelate-ring deformation vibrations. Table 10-4
lists assignments of the bands arising from coordinated

water,

10-2.3 Discussion
The observed isotopic displacement ratios o 5
(Table 10-2) indicate that the assumption of simple harmonic
motion is wvalid for -NH2 and =N-H stretching modes, and
that the deformation modes have only small anharmonicities.
a) Amine stretching modes (Table 10-2): Coordination
of an amine to a metal ion decreases the electron density
about the nitrogen atom. The resulting electron drainage
from the N-H bonds weakens them and causes a decrease in the
N-H stretching frequency. TFor a non-coordinated amine group

the —NH2 and N-H stretching modes absorb in the 3500-33000m—1

153,154

range. Coordination of an amine group lowers the N-H

stretching frequency by approximately 2OOcm—1; protonation
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Far infrared spectral assignments for Ni, Cu and Zn(II)-
1,2-diamino coordination compounds

Complex

[Cu(en)c1,]
[cu(pn)c,]
Cu(pn)Br,]

)1]

[Cu(dien)c1]C1

[Cu(pn

[Cu(en)2012]

[Cu(dien)ZHZO]Br2
[Zn(en)2C12]
[Zn(en)3]012

[Zn(dien) C1]c1

2

[Ni(dien)C12]2

[Ni(dien)H OBrz]

2

[Ni(dien)szo]Brz

[Ni(dien)(NOB)Q]

[Ni(dien)2H20]012

M-0

(456s)

(497ms)

Assignments (cm-1)

VM=N(10)

373vs
396vs
394Ls
41hm
392m
LO1s

LLOOm

397m
397m
394m

376ms, 371sh

38L
1,06m, 38Ls
376m

LLO6m, 386,
37k,

Abbreviations as for Table 10-2.

Vi-N(20) VN-c1

316vs

311vs

34lis, 337sh  313m

(324s)
369, 352m
374m
34 3w 331s, 326,

341 8mw

358, 352
369sh, 351m
352m
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lowers the freguency by approximately 800cm-1.

For the dien complexes, absorptions in the 3320-
3200cm™ | region (Table 10-2) arise from symmetric and asym-
metric stretching modes of the coordinated primary amino
groups., For simple metal(II)-amine compounds these modes
each give rise to one well-defined absorption (e.g.,
NiBen(ClOu)z-%Hzo, Fig. 10-4). The frequencies are affected
by the nature of the coordination sphere and the anion; an
asymmetric environment may cause splitting of the absorption
band. Absorptions in the 3200—3100cm_1 range arise from N-H
stretching modes and -NH-H stretching modes in which one H
atom remains essentially stationary with respect to the N
atom while the other vibrates along its bond axis.

b) Non-coordinated amino groups: The infrared

spectrum for solid [Ni(dien)z](CJ.oh_)22H2O shows only bands
characteristic of coordinated amine groups and lattice water
(Fig. 10-4), and this complex is considered to be a normal
hexamine.

The spectra for the hydrated halides M(dien)2X2H20
(Fig. 10-1) do not show absorptions characteristic of lattice
water, 3650-35OOcm-1 (see 10-5.3). They show complex
absorptions in the 3450 to 3320cm"1 range. Dehydration of
the Ni(II) bromide and Zn(II) chloride causes spectral changes
in this latter region, but absorption bands remain at

frequencies characteristic of non-coordinated?® -NH2 groups

¥ 1i.e., not coordinated to the metal ion; they are
Presumably H-bonded to the anion.
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FIG. 10—3. INFRARED SPECTRA (3500 —3000 cm™')
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(Figs. 10-2 and 10-3)., The bands which disappear on de-
hydration are assigned to coordinated water molecules (see
below). These assignments are in reasonable agreement with
the spectra for the metal hydrates M(H20)6X2 (Table 10-6).
The spectra for the complexes which do not dehydrate are
very similar to the others and bands can be assigned to
'free' amines, coordinated amines and coordinated water
(Table 10-2).

It is concluded that the solid bis dien halide
hydrates of Ni, Cu and 7Zn(II) probably have five coordinated
amine groups and one coordinated water molecule; (for
[Ni(dien)2H2O]Br2 the NWi(II)-0 stretching vibration has been
assigned, 10-5,2). Presumably the Cu(II) compound has two
long trans bonds, but as the Cu(II) and Ni(II) compounds are
isostructural® this cannot affect the packing in the crystals.

The spectra for Zn(dien)Cl2, Ni(dien)Cl,, Ni(dien)Br

2!
and Cu(dien)Cl2 indicate that these salts have all amino

2’

groups coordinated.

c) Amine deformation modes:

1. The 2° =N-H deformation mode is assigned to a weak

absorption in the 1500—1[1,75c:m-1 range. This absorption
shifts on deuteration (Fig. 10-5). It appears that many

transition metal(II) coordination compounds containing RNHR'

+ X-ray powder patterns have shown the Zn(II) compound to
be isostructural with the Ni(II) one.
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FIG. 10—4. INFRARED SPECTRA ( 3600 — 3100 cm-')
L v \\\ ——r— - .
Ry
‘. -
e 8.
T, ™
N e
\ ~ T~
\\ \\\\ \'\A
Rz, S~ ~
R ./
B o
RN C
/) e i T g i (5 § e RS
/ -7 P o
J‘ -7 (. g‘
\ 4 Moy ™
\
\\‘\

INitdien),H,0]CL,
—— [Nitdien),)(CLO,), H0
=~ [Niten)3)(C10,), 3H,0

°% T

50 30

frequency (em™").

3500




211b

(-w2) K2uanbauy

0GEL 05Y1 0071 00§|
+ ~F
v
u.u2
10 'y
|
il s o
o !\
L 2
|
Tk
+ .., G..
c
[} i} W h
..—\\ 1 /\ "
819 [0%abuatppz)Inap-N Z19[0%a%uaip)iN) 0433n3p-N 2 , =
)\
| 7 .
_,\\ ="

Yo (otHEwmatpZ)

1

A 1

8o (0¢HE(uatpN)

-
)
A}

S300NW

NOILVYWYO0 430

HNZ

¥404 SIN3IWN9ISSY WVdld3dS ‘¥




212

groups have a weak absorption in this region. e.g.,

1. The Ni(II) bis- BR' diamino dipropylamine complexes,
1&85cm—1(ms).

2. Many of the Schiff Base complexes of the type:

have a mw to w absorption.

12+
\\ NH Reduction of the azomethine
Ni groups increases the absorption
N{ \N intensity.

NN' di-isopropyl ethylenediamine has a ms absorption at

1

1485em  ( 5—CH3, ‘ILL7Ocm—1 ). Dithizone CgH N:N(CS)NHNHC6H

5
solid and in CHCl3 solution has a mw absorption at 1483cm”

59
1

which is removed by deuteration or by complexing involving

loss of one or both protons.*

In some complexes the absorption is not sufficiently

intense to be distinguished from a broad methylene symmetric

deformation band at 1M6Qi15cm-1.

2. The -NH, wagging mode: The ms band at 1250_i5cm"1

(o0 =1.33) is assigned to this mode. Apparently many workers
have not observed this absorption for amine complexes of di-
valent metal ions. (Ni, Cu, and Zn(II)) ammines have a

deformation mode absorbing at 12&5136cm-1).155

* G.R. Burns, unpublished work: these frequencies possibly
arise from combination modes, =N-H deformation +
C-N stretching.
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3, A combination —NH2 twisting, skeletal deformation mode:

The absorption (m) in the 1325-1295cm—1 range ( o =1,28-1,26)

is assigned to a mode combining the -NH2 twisting mode at

1080cm"1 and a skeletal deformation mode at 250—2300m_1.

This assignment accounts for the observed isot opic shift to
within 3-13cm™ . Absorptions in the 1350-1300cm™ range for

divalent amine complexes have previously been assigned to the

—NH2 wagging mode;11o'”1’156 anharmonicity has been invoked
to explain the low isotopic shift.”o’111

L. The -NH, twisting mode: When an -NH2 group is bound to

two other atoms its twisting mode occurs at a lower freguency

LT

than does its wagging mode. The absorption bands at

1088--10780m—1 (o =1.36) are assigned to the -NH, twisting

mode. This assignment agrees with those of Powell et alj”’156

for M(II) ethylenediamine complexes (1180—1099cm—1), Allen

158

and Senoff for Ru(II)-tris ethylenediamine complexes

(1030-1O1Ocm—1) and Sacconi and Sabotini ' 19

for M(II) hydra-
zine complexes (1200-11500m’1).

d) The C-N stretching mode: This is assigned to the

strong doublet or singlet absorption in the 1150-—‘11:280m"1
range. The bands show an isotopic shift ¢ =1.04 on
deuteration; the value expected for a pure C-N stretching
mode is 1,028. For Ru(II)-tris ethylenediamine complexes,
bands at 1107-1102cm™ ' have been assigned to this mode. '9

For uncoordinated amines the C-N stretching mode has been
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assigned at 11330m_1 for dien159 and at 1065c:m_1 for en.16o

e) Other ligand modes (Table 10-3): The assignments
111

v who

designate VLL a ring skeletal mode., Gover and Murmann161

1 to v5 agree with those of Powell and Sheppard

characterised the absorptions v2 to vu by C-deuteration of
ethylenediamine dihydrobromide: V2, -CHz—wag; VB,
-CH,y=twist; V) C-C stretch. Vg (983—972cm_1) may also
arise from the C-C stretching mode. A similar absorption in
Ru(II)-tris en complexes has been assigned to the C-C

158 The C-C stretch for uncoordinated

ethylenediamine occurs at 9800m-1.

stretching mode.

The absorptions v7 to v9 are assigned to ring
deformations which arise predominantly from C-N-C and C-C-N
angle deformation modes. The hydrochloride salts of dien,

en, pn, and other similar diamines also have two ms

1 1

absorptions in the regions 530-485cm~ and L70-L4LOcm™ '.

Ebsworth and Sheppard163 found the C-N-C angle deformation

frequency at u60—u20cm-1 in methyl ammonium iodides

162

(CH3)XNH(u_x)I. Baldwin observed an absorption at 590-

1

570cm”  for Co(III)-en complexes (not assigned).

Fig. 10-6 compares the infrared spectra (1350—78Ocm-1)
for [Ni(dien)2H20]Cl2 and its N-deutero analogue.
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10-3 The Far Infrared Spectra (1.20-290cm”') for Ni. Cu. and
Zn(II) 1,2-Diamino Coordination Compounds

10-3.1 The Metal(II)—donor stretching freouency

Assignments (Table 10-L) have been possible because of
the initial consideration of very simple coordination

complexes:

1) The simple system [Cu(diaminelxzj *. The crystal
structure analysis for Cu(en)Cl2 has shown it to be a simple

monomer with the Cu atom in a distorted octahedral environment.

The complexes Cu(pn)Xz, X=C1~, Br , I~, are considered to
have similar monomeric structures (10-6,2b). In these
systems the symmetric M-N and M-Hal. stretching modes are
I.R. active.

The far I.R., spectral data for these complexes are
given in Table 10-4, Very strong absorptions at 316 and

ZS‘I‘lcm-1 are assigned to the Cu-Cl stretching frequency101c

* Preparations for these complexes are given in 10-6.1.
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in Cu@aﬂ?lz and Cu(pn)Cl2 respectively (ef., CuClz,
asymmetriec Cu-Cl stretch approximately 267cm—1.95’101—6)
The M-N stretching frequency is assigned to m-vs absorptions
in the u1u—373cm—1 range, This fregquency assignment is
considered unambiguous because

a) an upper frequency limit is set by the assignment
of all bands above LJ,BOcm'1 to ligand vibratory modes in
Ni(II), Cu(II), and Zn(II)-1,2-diamino complexes (10-2,3(e))
and b) a lower frequency limit is set by the Cu-Cl
stretching mode at approximately 3130m_1.
2) Cufdien}Clzz This complex is considered to be monomeric
[Cu(dien)C1]C1l and is probably square planar (Appendix IV).
Its far I.R. spectrum is very similar to that for [Cu(pn)Clz],
with v, o at 392em™ | and Vou-gy 2t 313cm™ . However, for
this and most other dien complexes there is a doublet
absorption near 350c:m'1 which is possibly associated with a

mode incorporating meta1-2°N stretching.

3) Ni(dien)X,, X=C1l~, Br_: These complexes are considered

to have a halogen bridged structure (Appendix IV). Their
spectra show vM_N(1°) and vM_N(QO) in the expected
frequency regions (Table 10-4). The chloro compound has
complex absorptions in the vNi-Cl region: 331cm’1(s), 326
and 3»18cm"1 (mw). The weaker modes may be associated with
the bridging chlorides., The Vii-c1 mode has been assigned

at 31Ocm"1 for N1012.16u
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10-3,2 Conclusions

The Ni, Cu and Zn(II)—1° amino stretching mode absorbs
in the I.LOO—37Ocm_1 range. It generally occurs as a single
sharp band. An absorption near 35Ocm"1 for dien complexes

could be associated with a metal-2°N stretching mode,

10-3,3 Previous assignments

Few attempts have been made to locate the metal-ligand
stretching freguency except for:
1. halide ligands where there are no 'ligand' modes
to complicate the spectrum95’101_106
2. 2,2'-bipyridyl and 1,10-phenanthroline transition
metal complexes106 for which the ligand conformation is
little altered by coordination. The characteristic absorptions
of the skeletal modes were found by subtracting the spectrum
of the uncoordinated ligand from that of the complex. The

metal-nitrogen vibration frequencies in Co(II)-Zn(II)

2,2'-bipyr and 1,10-phen complexes1o6 follow the Irving-
wi111ams®2287 order of stabilities:

2,2' “bipyr: Co(II) 26hem™ — Cu(II) 297cm™
1,10-phen: Co(II) 288em™ | —— Cu(I1) 300cm-1

A similar order is shown by the Mn(II)-Zn(II) hydrazine
complexes:11o Mn(II) 3430m-1, Zn(I1) qucm'1.

3. A few transition metal ammine complexes.

Freguencies have been assigned: Pt(II) tetra and diammines,

511, 508cm-1;107 PA(II) tetranmﬁneshSch—1, dianmﬁnesu96cm_1,
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(cis and trans) and u77—63cm'1 (cis);107 Co(III) hexa, penta,

-1.108 1
b

and tetrammines 500-L50cm Cr(III) hexammine .470cm”

and Ni(II) hexammine u60cm'1.109

10-4 I.R. Spectra for Ni(II) and Cu(II)—C1-substituted
Ethylenediamine Complexes

In Table 10-5 I.R. spectral assignments (LOOO-LOOem™ ')
are given for some simple en, pn and i-bn complexes of Ni(II)
and Cu(II). Vibrational frequencies for the coordinated
ligands were assigned by comparing the spectra with those
for the dien complexes (Table 10-2), Ni(en)2012 and their
N-deutero derivatives.

There is little correlation between the —NH2 sym-—
metrical stretching frequencies and AG° per M-N bond for the

aqueous ligation reaction:

Z+
oy + xH20

M(H,0)2Z" 4+ nL = ML
Some workers“z’113 have noted a degree of correlation
between the stabilities of some ammine complexes and the
stretching and deformation frequencies of the NH3 ligand.
However, the force constants for these vibrations are
dependent on the structure of the complex and the nature of
the anion, as well as on the strength of metal-ligand
coordination,

Some tentative assignments are given for the M-N

stretching frequencies (see 10-3)., The spectrum below
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L;OOcm-1 becomes very complex as the symmetry of the complex

increases, e.g., [Ni(pn)3]0122H20, Table 10-5.

10-L.1 Conclusion: There appears to be little or no cor-

relation between the ligand and skeletal vibratory frequencies
for solid 1,2-diamino Cu(II) and Ni(II) complexes and the

stabilities of the complexes in aqueous solution.

10-5 The Characterisation of the I.R. Spectra LQQOO—QOOcm_1)
of Coordinated Water lMolecules

Group Theory has been used in analysing the I.R.
spectra for some divalent transition metal hydrates. Some
assignments have been possible, in particular the metal-

oxygen stretching frequency.

10-5.1 Vibrational modes

The neutron diffraction study for FeSiF6.6H20 indicates

that the HZO ligand is coordinated with its two-fold axis co-

165

linear with the metal-oxygen bond. It is assumed in

this discussion that the system involving a coordinated water
H
molecule M——O// is generally planar.

S
H
The planar group MOH2 belongs to the CZv symmetry
group. The total reducible representation for the four atoms

is
PT = LA, + Ay, + 3By + MBZ

(Mulliken symbols, Ref. 166, p. 71).

Of the twelve normal modes of displacement, three are
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translational Pt=A1+B1+B2, three are rotational Pr=A2+B1+B2,

+2B..

and the remaining six, vibrational PV =3A1+B1 5

Considering the internal coordinates:

By
. FN

H—_
By

the vibration representations obtained are

To-x = A4 + By
Tho = A4
. o= A
Py = A+ B,
r., = B

However, the number of internal coordinates considered is one
greater than 3n-6, The reduntant condition is

Aa + AB1 + A62 = 0
and the real vibrational representations obtained are

0-H 2
Tyeo = M
r, = A,
Iy, = B
r. = B

and all these coordinate displacements represent I.R. active
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modes., rO—H can be considered as composed of two modes,
1. a symmetric bond stretching A1; this mode may be
partially coupled with the scissors mode. Pa

2. an asymmetric bond stretching B2; this mode may be
partially coupled with the rocking mode TB.

The wagging mode Pa will be independent of the other
internal vibrations.

The six modes of vibration are represented diagram-

matically (after Sartori et a1.167):
Species A1 T
'F T1 ?1
@)

@) O
7/ \ ~/ \ / /
H H H H H \\\H
/ N N/
v, (symm.0-H str.) v6(symm.HOH defn. ) v1O(M-O stretch)

Species B2 Species B1
4—T T—» T"
O — —0 O+
/7 N\ / N\ /
. H . H ~H -
e
Vz(asymm.O—H str. ) v (rocking) v (wagging)

Some assignments are given in Table 10-6 for transition

metal(II) hydrates and for dien complexes.
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10-5.,2 The metal-oxygen stretching vibration: =

This vibration Vio is assigned to absorptions in the
520-L+L4.Ocm_1 range (see Fig, 10-7). This assignment is in
the same range as V-0 for acetylacetonates and oxalates of
these metal ions.

This vibration and the H6H symmetrical deformation
( v6) belong to the same symmetry class, and couple to give a
combination mode Vet v10= v5, (assigned in Table 10-5). The
additivity of frequencies Vet Vi0= v5 is good. The mw
absorption v5 appears to be characteristic only of hydrated
compounds containing coordinated water, e.g., CuSOMBHZO,

v5=2120cm_1(w); CuSOuHZO, no absorption. However, some
compounds containing lattice water do absorb very weakly in
the 2300-2000c:m'1 range. This absorption has been assigned96
to a combination of the symmetrical HSH deformation mode and
an HZO librational mode I.R. active because of an asymmetric

environment for the water molecule.

Rocking and wagging modes: These probably give rise

to V7 and Vg, although no definite assignment is attempted

here.

10-5.,3 Lattice water and coordinated water

There is no definite borderline between these two

168 Coordination denotes water molecules in the

classes.
primary coordination sphere of the metal; lattice denotes

water molecules trapped in the crystal lattice by weak
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hydrogen bonds.168 However, they can often be distinguished
by their I.R. spectra.

Water vapour has symmetric and asymmetric stretching
vibrations at 3756 and 3652cm_1 respectively. Coordination
of HZO weakens the O-H bond and lowers the stretching
frequencies to approximately 3520 and 33800m-1. The weak
interactions holding 'lattice water' in a crystal lattice
generally lower v, .. to 3600—3525cm_1 only. e.g.,
[Ni(1-bn);](C10, ),H,0, 3625 and 35L40em™'. This spectral
difference can often be used to distinguish between 'lattice'
and 'coordinated' water.

However, very strong H-bonding may lower to

v
0-H
values similar to those for coordinated water, e.g., ice,

1, CuSOuH20,169 3340cm™'. This bonding can

96

3400 and 3256cm”
often be distinguished from coordination by its different
effect on the symmetric deformation mode V6. For a
coordinated water molecule the interaction between a proton
and both the metal ion and adjacent water molecules increases
the restoring force for a deformation vibration compared with

that for water wvapour. Vg is raised from ‘I5950m-1 for water

vapour170 to 1625—1605cm_1. The restoring force, and there-

fore Vg s is increased more by H-bonding e.g., CuSOquo,169

1640em™ 15 ice (-7°C),%° 16uLem™; H30+,171 1700em™ "
1

N10126H20, 1657 and 1612em” .
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10-5.,4 Libration modes

The rotations normally exhibited by a 'free' water
molecule become hindered by H-bonding and/or coordination
when the molecule is in a solid compound. The rotational
modes are then better termed torsional oscillations or
librations.

The coordinated water molecule may oscillate about

each of its three axes of inertia:

ATA K
H H H | H H
YRy
B, A; B,

These modes differ from wagging, twisting, and rocking modes.
The M-0O bond is now involved in the normal mode; the oxygen
electron clouds rotate about the axis of inertia with the
same period as the H atoms.

From the sz group character table FP=A2+ B1+B2, and

the rotations Rx’ R RZ have the symmetry representations

y)
B1, A2, and B2 respectively. The representations B1 and B2

correspond to infrared active modes, i.e., R Rz (above).

x’
Librations about the x and z axis involve similar displace-
ments of the resultant molecular (M—OH2) dipole. These

modes may have similar energies., They are jointly assigned

to the absorption vy (Teble 10-6).




226

10-6 Charge Transfer Spectra

These were studied to characterise the charge transfer
absorptions by Ni(II) and Cu(II)-amine complexes, and to seek
possible correlations between the energies of charge transfer
transitions in complexes and the symmetry, stability and
composition of the complexes. The absorptions by Ni(II)
complexes have been located by scanning solid-state spectra
below 200m .

Charge transfer transitions involve molecular orbitals
largely localised on different atoms. The very intense
absorption bands arising from charge transfers usually occur
in the ultra-violet. For coordination compounds they are
ascribed to the highly energetic Laporte allowed transfer of
electrons from either the donor atoms to the metal ion or
vice versa., Charge transfer is essentially a redox process.

For the L— M transition, where all the ligand donors
are ecuivalent, the charge transfer corresponds to an electron
being transferred from a delocalised molecular orbital em-
bracing all donor nuclei to‘a molecular orbital which is
localised on the metal ion, has predominantly metal ion
atomic orbital character, and which may be non-bonding or anti-
bonding, = or ﬂ*, c* (see Fig. 3-3b). The slight
delocalisation of the mefal ion orbitals means that the
electron is not completely transferred from ligand to metal.

The transition is from the highest energy filled ligand
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orbital to the lowest energy empty or partly filled metal
orbital.

When the donor atoms are not equivalent, e.g., in
[Co(NH3)5CI]2+, electron transfer may occur from a specific
ligand (viz., C17) to the central metal ion. For a L~ M
transfer the transition energy will depend upon the electro-
4

X=I", Br , Cl , the absorption wavelength increases in the

negativity of the ligand; and in the compounds [Co(NH

order I " < Br < C1 .

M = L transitions occur in complexes which contain
ligands with relatively stable, but empty, orbitals (pi-
acceptor ligands) e.g., CN',172 pyridine,

Unlike metal ion d-d electron transitions, charge
transfer transitions may be influenced by a change of
solvent, and this property has been used to distinguish
between M = L and L =+ M t:r-ansi‘tions.JW3 Foral—"* M
transition the energy will be related to the ionisation
potential of the ligand and the electron affinity of the
metal ion. L -+ M and M - L transitions can be distinguished

by the effect of metal ion oxidation state on the transition

energy.

10-6.1 Experimental

Absorption spectra were measured from 185mp into the
visible region using a UNICAM SP700 spectrophotometer. The

instrument was thoroughly flushed with dry nitrogen for work
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in the 185-200m p range.

Charge transfer bands are very intense, log € = 3
and spectral work requires very dilute samples. In agueous
solutions Ni(II) complexes are appreciably dissociated at
the required high dilution (approximately 10'um/1).
Therefore solid-state spectra were measured. Cu(II) complexes
are approximately 1% dissociated at this dilution, and their
spectra were also measured in acueous solution. (Table 10-7)

Solid samples were prepared as mulls and held in a
very thin layer between silica plates. Rice paper was used
to space the plates. Of several mulling agents tried*
diglycerol was found to give the best spectra above 200mpu .
Diglycerol is viscous, completely transparent to 220m u and
has a high refractive index (1.4835) which minimises light
scattering ('background') by the solid samples. The solids
were ground as finely as possible and very dilute mulls were
used. Other workers have used paraffin oil as a mulling
agent,98 or a KBr disc method for preparing samples.17u

The reliability of the solid-state method was tested
by comparing the spectra for a series of[CuClu]z- salts in
the solid-state and in acetone solution. The

preparations and properties for these salts are given on

the following page.

* e.ge., Fluorocarb, nujol, paraffin oil.
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Preparation of coordination complexes: Some of the prepa-

rations are recorded in* 8-1 (g) . Others are as follows:

Chlorocuproate salts

- i i i 0;’7)

Cs,CuCl) : CsCl (0.337gm) in the minimum volume of 90¢

ethanol was added dropwise with stirring to a solution

ofbuCl2 (0.134gm) in acetone containing a few drops

of conc.HC1l. Yellow Cs2CuClLL immediately precipitated;

a further crob of crystals was obtained on addition of

acetone followed by cooling. Yield 0.35gm, 76%.

_ + + +

A20u01u. A = (CHBCHQ)MN : CHBCHZNH s C5H6N » CgH

NZH;’ piperidineH+.

+
SCH,NHY,

. _ 2+ i 2+ : 2+ :
ACuClu. A = Hzen " H3d1encl > Hutrlen012 . The amine

hydrochloride in solvent S1 was added dropwise with

L]

stirring to a solution of CuCl, in solvent 82
containing a few drops of conec.HCl. The complexes are

sparingly soluble and were recrystallised by Soxhlet

extraction into 83:

Amine Sy4 So S3 Colour |C1l  analysis
(CHsz2)uN+ abs.alc. |abs.alec.|abs.alc. |yellow |29.99 (30,20)
CHBCHZNH2 " acetone 1" yellow

bronze |L47.69 (L7.37)
C5H5N i " iso-PrOH|yellow
CgHCYNH; | is0-PrOH| iso-PrOH| abs.alc. . 33.67 (33.37)
N2Hh alcohol |acetone yellow-

green | 51.00 (51.95)
piperidine iso-PrOH| iso-PrOH| iso-PrOH/ | brown
HC1
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[Cu(diam;g§)2§2] salts

Cugpn)CIZl: 2.9m1 of 85% 1-methyl 1,2-diaminopropane in
four parts of acetone were added slowly with stirring
to a hot solution of 5gm of CuCl,.2H,0 in 25% agueous

alcohol. Pale blue crystals immediately separated

from the bright blue solution. The precipitate was
digested for 30 minutes and then filtered. The
product was recrystallised from 50% acueous ethanol
and crystallisation induced by addition of acetone to
the hot solution. Yield 3.4gm, 72%. (Found:
Cu(Sa0 gravimetric), 30.2L4; C1 (AgCl), 33.94%;
amine by pH titration, (see 5-L(e)), 36.07.
03H1ON2CuCI2 requires Cu, 30.47; Cl, 33,98; amine,
35.53.) The product is very soluble in water,
sparingly soluble in ethanol and insoluble in acetone.
Cu{pn}Brzj: A concentrated agueous solution of Cu(pn)C12
was mixed with a slight excess of a saturated aqueous

KBr solution. An equal volume of acetone was added to

the mixture and pale green crystals separated from the

blue solution on ice-cooling. The crude product
contained some solid KBr. (Found: Cu(Sa0), 18,2;
amine by pH titration, 21.43. Ratio Cu: pn=1.009:1.
CgH, NoCuBr, requires Cu, 21.32; amine 24.93.) The
complex is insoluble in alcohol, sparingly soluble in

acetone to give a pale green solution, and very
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soluble in water to give a blue solution.

|Cu§pn2I21: The dark brown solid separates immediately on

mixing hot agueous solutions of KI and Cu(pn)Clz.
It is insoluble in water. and the common organic
solvents. On prolonged refluxing with acetone it
slowly decomposes to Cu,l,. (Found: Cu, 16.2.

C gl N, Cul, requires Cu 16.2.)
Results: These are listed in Table 10-7.

10-6.2 Discussion

a) The complexes;LM(diamine)gj2+l LM(diamine)3]2+:
The charge transfer absorptions for the Cu(II) complexes all
occur at lower freguencies than those for the Ni(II)
complexes, This suggests that the charge transfers are
L * M, a high transition energy for Ni(II) being related to
its low electron affinity.

The Cu(II)-bis diamine complexes have the same C.F.S.E.
(see 7-3.4) and it is not surprising that they have the same
charge transfer spectrum. The absorption at 235-245mpu is
assigned to the N-= Cu(II) charge transfer transition.

It is interesting to note that the transition energy
is the same for a square-planar diamagnetic Ni(II) complex,
[Ni(i-bn)2]2+ and an octahedral paramagnetic Ni(II) complex,
€eBey [Ni(i—bn)3]2+. The transition energy E' can,to a first

approximation, be related to the metal ion electron affinity E,




Charge-transfer absorptions for Ni(II) and Cu(II)

Complex

[Ni(i—bn)z](Clou)z

[¥i(i-bn) ]clou)2

[Wi(i-bn) 012]
[Ni(en)3]012

[Ni(en),C1

201515
[¥i(pn)5](C10) ),
[Cu(i-bn), J(C10) ),
[Cu(eten) ](Clou)2
[Cu(eten) |Br
[Cu(pn), J(C10 ),
[Cu en)2] 1,
[Cu(en)c1, ]
[cu(pn)cl, ]
[Cu(pn)Brz]
[Cu(pn)I, ]

Agueous [Cu(i-bn)2

TABLE 10-7

diamine complexes

]2+

193

196
193
216

[Cu(i-bn)(aq)]2+

[Cu(eten)2

]2+

[Cu(eten)(aq)]®*

L max., (‘i1 >m“

194
194
194
196
193
196

237

235, 2141

232,242

232

237

2140

246

234 336(sh), 394(sh)

290 363

236 (5,900)
232 (4,080)
232 (6,800)
232 (L, 340)

232
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can to a first approximastion be related to the metal ion
electron affinity ¥ and the ligand donor ionisation potential
I by

E' = I -E + A
where A gives a measure of solvation effects and the inter
electron repulsion involved in transferring an electron from
a delocalised ligand molecular orbital to a more localised
metal ion molecular orbital., Solvation effects are probably
negligible (ef., Cu complexes in aqueous solution and in
nujol mulls) because the donor atoms are largely shielded
from the solvent by the non-polar alkyl material present.
Therefore the solvation term will be approximately constant.

The absorption at 193-196mp for the Ni(II) complexes
is assigned to a L * M charge transfer. By considering the
metal orbital occupance and group theoretical requirements
for Laporte allowed electron dipole transitions, the possible
L—= M transitions for octahedral (Oh) and square-planar
(Duh) Ni(II) complexes, assuming that the ligands have no

pri-bonding tendencies are:

Erratum pp 233-4,

Octahedral: ;‘-.16, Eg o Tlu(px’ D pz) i.e.0 > o*
— 1
T Alg(s) or Eg(d 5 gl 2) nowom
X =y /4
Square planar: Alg - Agu(pz) i.es o = g™ '

=P E " ¥ o
Aig_r, u(px’ Py) or T“u - Alg s) i.ea 0 > g%

A is possibly least variant for transitions to the metal ion p_ and p_ orbitals
B ¥ ite

“

and the L = Ni(IT) transition is possibly ligand ¢ —* metal ion g* (p,, P.)e
X"y
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orbital (square planar case) and the L = Ni(II) transition

*
is possibly ligand o ®* metal ion = (pz).

b) Cu(diamine)x2 salts:

The solid state spectra for the chlorides do not contain
either of the visible-U.V. absorptions characteristic of the

]2- ion (approximately 262, L76mp ). It is deduced

[CuClu
that these salts are monomeric inner complexes Cu(diaminekﬂ2
(see infrared evidence, 10-3.1(1)) and not dimeric salts

2+[Cu01u]2-. The bromide and iodide compounds

[Cu(diamine)2]
have infrared spectra very similar to that for the chloride,
suggesting that they are all structurally similar. The
bromide does not contain the absorptions characteristic of
the [CuBru]Q_ ion.” The gradation in colour, Cu(pn)Cl2 pale
blue, Cu(pn)Br2 pale green, and Cu(pn)I2 brown, is due to
different charge transfer bands in the ultra-violet extending
into the visible absorption region. By comparison with the
spectra for the Cu-bis diamine complexes, Table 10-7, the
absorption at approximately 235-245m p for the chlorides and
bromide can be assigned to a N =+ M transition. For Cu(pn)I2
the separation between the two highest energy absorptions
(11.6kK) corresponds approximately to the energy separation
between the J3/2 and J% quantum levels (13,15kK) for the

iodine atom. This suggests that these two absorptions cor-

respond to transitions involving the I~ ligands.

*x CA. 58, 61d.
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APPENDIX I

The metal ion spectra for cupric complexes

When ina symmetrical environment (e.g., octahedral
coordination) the cupric ion is in an orbitally degenerate
electronic state (E). Such a system undergoes a Jahn-Teller
(tetragonal)distortion to give a system with lower energy

and degeneracy (see 3-6,1(f)). The resultant energy levels

*
are shown schematically:

P T £F77F0 7
[/ 7 B
q p
I,/ T ‘\-\—___---;_—-- Ea
g 7 oea N
d 4_“_"__"%___ A B E
T 0-4A [ i
il;;_;:ﬁL;;ﬁTZT._L_
t2g
spherically symm- cubic field (Oh) tetragonal
-etric  field field

The d9 cupric system in a cubic field will give a single d-d
electron transition, energy A . In a tetragonal field it
will give rise to an electronic absorption spectrum with
three absorption bands corresponding to the three spin-

allowed energy transitions E1, E2, and EB' These energies

* F.A, Cotton and G. Wilkinson, "Advanced Inorganic
Chemistry," Interscience, (1962). p. 565.
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are for the d-d transitions:

d da._ > 4

—
Xz’ yz 4 o

’ d
’ ’
2 Xy X.2 y2

respectively.

x2-y

The cupric ion absorption spectrum actually consists
of a single broad asymmetric band, sometimes having a shoulder
structure on the low frequency side. To consider that this
absorption corresponds to a single electron transition ( A ),
i.e., cubic field case, is an obvious approximation. To treat
the absorption band as composite of three bands representing
three energy transitions, i.e., tetragonal field case, also
involves approximations, particularly in the graphical
resolution of the absorption curve into component gaussian
curves, However, Belf‘ord125 has shown that the single broad
absorption band for the cupric (d-d) electronic spectrum can
be graphically resolved into three gaussian curves. By
studying the solvent effect on the d-d transition energies
for a series of copper(II) bis-acetylacetone complexes
Belford proved that of the component absorptions, the highest

d =+ d
Xz’ yz x2—y2
and the

energy one, E1, corresponds to the d

transition, the next, E2, to the dxy - dxz—yz,

lowest, EB’ to the 4 5 transition.

- d

The treatment adopted here is that for the tetragonal
field. For a d9 system the C,F.S.E. is given (from figure

above) by
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C.F.S.E. = L(O.4b A + &/3) + 2(0.4L A - 28/3)
-2(0.6 4 -B) - (0.6 +B)
= 0.6 A 4+ B,
But B = Ey?
and A = E, - 6/3% —E3/2

= 2E1/3=E2/3-E3/2

Therefore,

C.F.S.E. O.ME1 + 0.2E 0.2E .

5 * 3
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APPENDIX IT

Empirical entropies for agueous organic solutes

A. Cobb1e®7¢

derived an empirical equation for the
partial molal entropies S° of organic solutes in
aqueous solution at 2500, and in a hypothetical one molal

ideal solution:

§° = 10 + RlnM + 9.2(N) - S - 0.22Vm

where,
M = the molar mass of the solute (in grams)

(N) = the number of 'skeletal' bonded atoms in the compound
(total bonded atoms minus hydrogens)

Sg = an empirical term to account for the comparatively
low entropies for molecules containing double bonds,
rings, and branched chains.

V, = the molar volume (ces.) of the solute in the pure

liguid state at 25°C, = M/d25.

From this equation the 5° values for en, pn, i-bn, and eten
are 4h.5, 47.3, 51.0, and 54.0e.u. respectively. The
densities of en(d20 0.899) and pn(d20 0.878) were obtained
from the Handbook of Chemistry and Physics, 28th Edition.
No values were available for the other two amines, but by

considering the values for en, pn, and 1,4bn (d 0.881,

25
Fluka Chemical Catalogue) a density of 0.888 was approxi-

mated. An error of 3% in d would give a discrepancy of
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approximately 1e.u. in S°.
The approximation was made that 8° is equal to the
standard molar entropy of the ligand SE consistent with a

standard state of infinite dilution.

B. The Cobble equation87c (see part A) in its component
parts is
o o) 0 o)
S = Bint * Strans ¥ “SBgoln
where,
s:C.L’nt = 9,2(N) - s: is the internal entropy of the
gaseous molecule
0 B . .
Strans = R1lnM + 26,00 is the translational entropy
and
Asgoln = -16,00 - 0.22Vm 1is the entropy of solution of

the gaseous molecule.
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APPENDIX TII

The Crystal Field energy level diagrams for a
transition metal ion in spherically symmetrical, cubic,

tetragonal, and square-planar fields are shown below.“"5

N R

1]

— A
\\ dey 0-228A

@ A

1 % ,

3 N 28y,
v ‘lei_l. -0-428A
= —— Gx2.dyz  _gsup
free ion ‘cubic’, ‘tetragonal’, ‘'sq.planar’ field

Spin-Free Ni(II) Complexes

For a d8 transition metal ion in octahedral coordi-
nation (cubic field) the C.F.S.E. is 1.2 A where A is the
C.F. splitting factor. For Ni(II) ions in six-fold coordi-
nation A can be determined directly from the visible-near
I.R., absorption spectrum. The spectrum has three weak

absorption bands corresponding to the three Laporte
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forbidden transitions from the ground state:

A T, (P)

_’ T2g(F)’ . 2g © T1g

2g 2g_’ T1g(F)’ A

The energy change for the lowest energy transition,

A - ng(F) is equal to the C.F. splitting factor A .

2g

Values for lmax and C.F.S.E. are given in Table 8-8.

C.F.S.E. = 1.2A = 1.2x2.859x107/A (mu).

max,

Spin-Paired (Diamagnetic) Ni(II) Complexes

8 Ni(II) ion is

In a square planar ligand field the 4
diamagnetic with the high energy d 5 o orbital unoccupied.
X =y
The C.F.S.E. is then 2.456 A', where A' is the C.F.

splitting (dxy—d 5 2). Electronic transitions occurring
X =y
from the dxy to the d 5 o orbital require an energy
X -y |
absorption A'-P, where P is the energy required to pair

two electrons in a Ni(II) 4 orbital. The energy require-

ment A'-P corresponds to a light absorption in the visible

region for the [Ni(i—bn)2]2+ ion. For spin-paired Ni(II)
P has been estimated as 70kcals/mole.1u6
Therefore for dia-[Ni(i-bn),]** with Mgy, = U5Lmu
A' = P = 62,96kcals/mole
A' = 133kcals/mole

and the C.F.S.E.= 327kecals/mole.




2L2

APPENDIX IV

M(dienlx2 complexes

A. Cu(dien)Cl, is a 1:1 electrolyte in anhydrous methanol
(Table I). A band at 31 3cm‘1 in the infrared spectrum
is assigned to the Cu-Cl stretching frequency.101c
Therefore the complex is considered to be monomeric
[cu(dien)c1]Cl. It has a sub-normal magnetic moment,
1.18B.M, (Table I). This moment could arise from an anti-
ferromagnetic interaction between adjacent Cu atoms. This

150

interaction could be §-bonding between 4 5 o orbitals

X -y
of Cu(II) atoms in parallel assemblies of planar complex

10 through a dichloro bridge

groups, or super-exchange
system (dimer). Another possibility is spin~-pairing in a
molecular orbital embracing three Cu atoms in a trimeric
structure (theoretical magnetic moment=1.00B.M.). However,

dimeric and trimeric structures are probably precluded by

the conductivity datum.

By Zn(dienlCl2 is a 1:1 electrolyte in anhydrous methanol.

It is probably monomeric [Zn(dien)C1]Cl with tetra-

hedrally coordinated Zn(II).
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TABLE I

Complex magnetic susceptibilities (29u°Ak conductivities
in anhydrous methanol (0,001M)

Complex xgx106 xpx10°  w(mNf | A° Ratio of
(cgsu) (cgsu)* (mho) toms**
[ZndienC1 ]JC1 - - - 85 1:1
[CudienCl]Cl 3,08+0.10 142  1,1840.03 | 103 1:1
[NidienBr, ] 12.71+0.05 163  3.05+0.01 | 146 1:2
[NidienH ,0Br, ] 12.1240.10 173  3.06+0.01 - -
[NidienC1,] 17.47+0.10 143  3.05+0.01 123  partly
disso-
ciated
[NidienH 0C1, ] 16.55+0.05 153  3,08+0,01 -
[Cu(dien)2H20]012 - - - 135 1:2
[Ni(dien)2H20]Cl2 - - - 14 1:2
[Zn(dien)2H20]012 - - - 139  1:2
* xD=diamagnetic correction.

)
I ocalculated from p =2.84(x s )2

*% For KC1, A °=98+2(mho); NaCl, Ap =90+1(mho);

BaCl,, A;=16]i1(mho); [ NiZen]C1,. 2H 0, A;=1u4i1(mho)

2
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C. Nigdienzxz. X=C1 ,Br . These complexes are considered
to have dimeric (or polymeric) structures with halide

bridges and with each Ni(II) ion in an 'octahedral'

environment:
1 N\\\\\\\\\\\
N X N
| l
N X

Their magnetic moments are typical for six-coordinate para-
magnetic Ni(II) compounds (Table I). I.R. spectra indicate
that all amino functional groups are coordinated.
Absorptions at 331(s), 326, and 318cm_1 are assigned to the
Ni-Cl stretching modes, Table 10-4 (ef., Ref. 16L).

The hydrates Ni(dien)H,0X, also have normal magnetic
moments characteristic of six-coordinate Ni(II). Visible
reflectance spectra are also typical: Ni(dien)HZOBr

A =1069, 634, 388mp ).

max.

2’

Electrolytic conductivities indicate that these

Ni(II) complexes are dissociated in anhydrous methanol(S):

[Ni(dien)X,), + 2xS8 = 2Ni(dien)s3’ + Lx~
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