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Abstract

The role of metal ions as catalysts for numerous biochemical reactions
has been the subject of many investigations. One of the most important
classes of 1ligands are phosphate esters. In this thesis I describe the
investigation of some phosphate ester-metal ion equilibria. Formation
constants for the complexation of p-nitrophenyl phosphate, phenyl phos-
phate, 1-naphthyl phosphate, a-D-glucose-1’-phosphate, glycerol-2-phos-
phate, methyl phosphate, 8-quino1y1 phosphate, 8-quinolyl methyl phos-
" phate, triphosphate and fluorotriphosphate with protons, copper, zinc
and calcium ions were determined by potentiometry. In addition, the com-
plexation of 1-naphthyl phosphate, 8-quinolyl phosphate and 8-quinolyl
methyl phosphate with nickel and cobalt ions was also studied. Proto-
nation enthalpies and copper complexation enthalpies of p-nitrophenyl
phosphate, phenyl phosphate, 1-naphthyl phosphate, a-D-glucose-1‘-phos-
phate, glycerol-2-phosphate and methyl phosphatev were determined by
calorimetry.

A correlation between the nucleophilicity of the ester group and the
magnitude of the stability constants of the proton, copper and zinc com-
. plexes of p-nitrophenyl phosphate, phenyl phosphate, 1-naphthyl phos-
phate, a-D-glucose-1’-phosphate, glycerol-2-phosphate and methyl phos-
phate 1is found and explained in terms of electronic induction effects,
i.e. by polarisation of the phosphate oxygens by the ester group. The
calorimetric results show that the desolvation of ligand and metal fon
during the complexation plays an important role. The possibility of
similar correlations for complexes of triphosphates is also discussed.
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Notations

Symbols

[x]
{x)
v

LquHr

M
Lp qu
pK

PKrow

AG
AH
AS

concentration of x

activity of x

activity coefficient

complex consisting of p ligands, g metal ions and r protons

overall formation constant of the complex LquHr

negative logarithm of a stepwise formation constant

pK value of an alcohol

negative logarithm of the acid dissociation constant
negative logarithm of the free hydrogen ion concentration
negative logarithm of the free 1igand concentration
average number of 1ligands bound per metal ion

average number of protons boundiio the ligand

average number of protons disp?aced per metal ion upon
compiexation

free energy of a complexation reaction

enthalpy of a complexation reaction

entropy of a complexation reaction

temperature

ionic strength

charge of an ion

number of moles

electrode intercept

Hamilton R factor

electromotoric force

hydrolysis rate constant

nmr chemical shift



List of abbreviations used in tables

std.dev. standard deviation

ny number of titrations

np number of data points

I ionic strength in mol/1

K kind of titration: A: titration with acid solution

B: titration with hydroxide solution

M: titration with metal ion solution

Terminology

protonation constant: equilibrium constant for the reaction pL+rH : L H

pr
formation constant: equilibrium constant for the reaction
L+q¥+rH | L M H
PEFATHT Sy
stability constant: formation constant
protonation curve: plot of fH against pH

deprotonation curve: plot of Q against pH

formation curve: plot of 7 against pA

speciation plot: piot of the concentrations of the various
complexes formed by a Tigand with metal ions

and protons against pH
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1. INTRODUCTION

1.1 The role of metal ions and phosphate esters 1n.bfo]dgical systems

It has .long been recognized that metal ions are very important to many
vital functions of the living organism [1-4]. For example, they can form
a metal complex which facilitates transport through membranes or induces
a certain conformation which is more reactive than that species itself.
Metal ions are essential in keeping up osmotic pressures on either sides
of the cell walls, in transmittihg nerve impulses and inducing muscle
contractions. Many enzymatic and metabolic processes require the
" presence of metal ions as catalysts. Some metal ions can exist in dif-
ferent oxidation states and act as reducing or oxidising reagents. The
role of some essential metal ions in the body is summarized in table
1.1.

Jable 1.1: The role of metal ions in the organism [1]
metal ion role

+ L+ . . . o, .
Na', K Maintainance of osmotic pressure on either side of
the cell wall, muscle contractions

Ca2+, Mg2+ transmission of nerve impulses, blood clotting,
formation of bones and teeth, carbohydrate metabo-
lism, phosphate transfer reactions

Mn2+, Mn3+ enzyme activation

E 2+ 3+ . . .

e ', Fe redox reactions, oxygen transport, protein formation
2+ 3+ . . . . .

Co™", Co vitamin B12 synthesis, enzyme activation

Cu+, Cu2+ productﬁon of haemogliobin, oxygen transport and
storage

Zn2+ enzyme activation

An imbalance of the metal ions in the body rapidly leads to malfunctions
of essential processes. Wilson’s desease, a disorder of the copper
control mechanism, leads to an excessive depesit of cepper in the liver,



brain and kidney resulting in liver cirrhosis, abnormal kidney function
and progressive degeneration of the nerveous system. It is treated by
the administration of copper complexing compounds, such as e.g. penicil-
lamine or triethylenetetramine. In the treatment of inflamatory
diseases, the administration of copper containing compounds has proved
beneficial [5,2c,2d]. Zinc and copper compounds are also being used in
the treatment of some skin diseases [2d, 2e]. The use of metal complexes
‘as nmr imaging agents is the subject of many recent studies [6].

Among the most important ligands are amino acids, carbohydrates, car-
boxylic acids and phosphate esters. Phosphate esters act as phosphate
"~ group and energy transmitters as well as energy storage mediums both in
animals and in plants. One of the most important phosphate esters is
adenosine triphosphate (ATP). ATP is employed in enzyme activation and
enzyme inhibition, and it is involved in nucleic acid structure, muscle
contraction and shock production [7]. ATP is particularly important as
energy storage medium because it contains an "energy-rich" phosphate
bond. In the general reaction

ATP + H20 -+ ADP + MP + energy

one phosphate group of ATP is released to yield adenosine diphosphate
(ADP), monophosphate (MP), and energy. The reaction is a phosphoryl
transfer reaction, i.e. a phosphate group i§ transferred from ATP to a
nucleophile (water). The released energy can then be used in the biosyn-
thesis of other compounds, e.g. for the formation of glucose phosphate
from glucose and phosphate.

Other phosphate esters have also been found to be of major importance.
Glucose phosphate plays an important role in sugar metabolism where it
is the immediate precursor of starch or glycogen. It is also found in
calcifying cartilage. Glycerol phosphate is present in hydrolyzates of
lecithins. p-Nitrophenyl phosphate is engaged in calcium transport. Many
important 1ipids are phosphate diesters [8].

A 1ot of work has been published on the interactions of phosphate
esters, especially nucleotides (adenosine-, guanosine-, cytidine-,
uracil- and thymine mono, di, and triphosphates), with other compounds
and on the activation of some of these reactions by metal ions. In view
of the importance of phosphoryl transfer in biological systems, one of
the most extensively studied reactions of phosphate esters are phos-
phoryl transfer reactions and phosphate ester hydrolysis, i.e.
phosphoryl transfer to water. Numerous investigations have been carried
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out on the hydrolysis of phosphate monoesters R0P03(H)(H). In most of
the systems studied [9], the monoanion was found to be the reactive
species at pHs above 2, and the hydrolysis followed first order
kinetics, i.e.

hydrolysis rate = constant * [R0P03H’]

Thus, hydrolysis rates have a maximum at the pH where the concentration
of the monoanion R0P03H' is highest.'In the majority of cases the P-0
bond is exclusively broken while the 0-R bond remains intact [10]. At
“low pH, the neutral acid and its conjugate acid H; P04R also undergo
hydrolysis, and in contrast to the hydrolysis of the monoanion, C-0 and
P-0 bond cleavage occur at the same time.

It is still undecided whether the mechanism of phosphoryl transfer of
the monoanion involves a transition state where a nucleophile (Nuc),
e.g. water, is bound to the substrate (associative mechanism)

00 0

2-

3 t ROH

\ /
Nuc + R0P03H - Nuc-T—OR = NucPO
O-H
or whether the transition state involves the formation of a metaphos-
phate intermediate POé (dissociative mechanism) '

o

0 0
|

-0" + Nuc - ROH + Nuc-P-0~

i i |
R-0-P-0 + Nuc = R-0-P-0 + Nuc -+ ROH +

I l |
OH HO

== "0

o

Ramsay and Cox [9] and Westheimer [10] have interpreted their own and
literature data 1in favour of the dissociative mechanism. On the other
hand, Bourne and Williams [11] and Skoog and Jencks [12] provided
evidence that the reaction of pyridines with monoanions of phosphory-
lated pyridines and isoquinoline do not 1involve metaphosphate
intermediates. Herschlag and Jencks [13] studied the formation of
pyrophosphate from acetyl phosphate and orthophosphate and could not
find any evidence for the existence of a metaphosphate intermediate.
Obviously, a lot more work is needed to clarify the controversy about
the structure of the transition state.

P-0 bond fission must be accelerated by an electron withdrawing sub-
stituent in either ef the two mechanisms. This has been confirmed in



several hydrolysis studies (e.g.[11,14,15]). Linear relationships have
been found between the hydrolysis rates and the pK value of the ester,
which reflects the nucleophilicity of the ester group [15]. This holds
also for phosphate esters in which the substituent contains an addi-
tional binding site, e.g. a nitrogen atom or a hydroxide group.

Under normal conditions phosphoryl transfer reactions are slow. Their
biological significance arises because these reactions are catalyzed by
enzymes. For example, the enzyme phosphoglucomutase catalyzes the con-
version of glucose-1-phosphate (GIP) to glucose-6-phosphate (G6P):

GIP + G-1,6-diP + enzyme » G6P + G-1,6-diP + enzyme

(6-1,6-diP = glucose-1,6-diphosphate). This conversion is one of the
steps involved in glycogen degradation. Thé reaction is sensitive to the
presence of metal ijons and is greatly stimulated by magnesium(II) ions
[16]. Another enzyme, alkaline phosphatase, catalyzes the hydrolysis of
phosphate monoesters. The action of alkaline phosphatase is dependent on
the presence of zinc idons [17]. In fact, at least 30% of all enzymes
have metal ions built into their structures, require metal ions for
activity or are further activated by the presence of metal ions [18]. In
order to gain some insight into the processes involved, the hydrolyses
of several nucleotides ({e.g.[19,20,21]) and of 8-quinolyl phosphate
[22], pyridyimethyl phosphates [23,24],v2-(4(5)-imidazoy1) phenyl phos-
phate [25] and salicyl phosphate [26,27] have also been studied in the
presence of divalent metal ions. Large rate enhancements have been
observed in some cases. It has been suggested that the mechanism in-
volves the formation of a chelate between the metal ion and the ligand.
For example, Murakami and Sunamoto [22] found that the hydrolysis of
8-quinolyl phosphate 1is catalyzed by copper(II) ions, but not by
nickel(II) ions. They postulate that the mechanism involves the forma-
tion of a chelate between copper(II) ions and 8-quinolyl phosphate
(figure 1.1). This initial complexation step is then followed by an
intramolecular rearrangement to form a transition state where the copper
ion is bound by the nitrogen and the ester oxygen. Subsequently the
phosphate-ester bond is cleaved and metaphosphate is released. The fact
that nickel(II) ions were ineffective as catalyst was ascribed to the
low affinity of nickel ions to the quinolyl nitrogen, which would not
result in the formation of a chelate. The role of the copper ion in the
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Figure 1.1: Mechanism of the copper(II) catalyzed hydrolysis of
8-quinolyl phosphate as suggested by Murakami and Sunamoto [22]

* hydrolysis of 8-quinolyl phosphate is thus complexation of the leaving
group, 8-hydroxyquinoline. This renders the leaving group more acidic
and consequently, hydrolysis is facilitated because the P-0 bond is
weakened.

A different mechanism of metal ion involvment operates in the phosphoryl
transfer from phosphoryl imidazol to pyridine-2-carbaldoxime, which was
studied by ‘Lloyd and Cooperman [151]. They showed that the reaction is
dependent on the presence of zinc ions. The metal ion has two catalytic
roles in this reaction (fig.1.2). The predominant role is shielding of
the charge on the phosphate group so that the negatively charged
pyridine-2-carbaldoxime anion can approach the phosphoryl imidazolium

ion.

§—N —
\\ /O\#LN /
A,
0 O/N \

Figure 1.2: Transition state for the zinc(II) catalyzed phosphoryl
transfer from phosphoryl imidazol to pyridine-2-carbaldoxime

Secondly, the zinc ion écts as a template. By coordinating to both
phosphoryl imidazol and pyridine-2-carbaldoxime, the two reactants are
favourably orientated towards each other so that the intramoiecular
rearrangement is facilitated. In addition, the reaction has been turned
into a unimolecuiar reaction. Unimolecular reactions are generally
faster than bimolecular reactions.

Another important possible role of metal ions that has been suggested is
activation of the attacking nucleophile. The metal ion can increase the



nucleophilicity of a bound nucleophile by lowering its pKa by for ex-
ample converting a bound water molecule from the coordination sphere of
the phosphate into a bound hydroxide. The hydroxide is then held in a
favourable position to attack the ester bond. The mechanism of in-
tramolecular nucleophilic attack by a coordinated hydroxide has been
demonstrated for triphosphates. Hydrolysis studies of nucleotides [29,
31] showed that the reactive species is a metal-ligand-hydroxo complex
with a metal to 1ligand ratio of 2:1. One of the metal ions is coor-
dinated to the terminal y-phosphate group whereas the second mﬁéal ion
is bound to the a- and B-phosphate groups. The hydrolysis mf£chanism
“involves intramolecular nucleophilic attack at the y-phosphorus via a
bound hydroxide (fig. 1.3).

NHy
NZ N

L§§ // 0] 0 P
i T ]
A fenf
0\ 0 KO 0
SN/
M M
HO OH
Figure 1.3: General scheme for the hydrolysis of triphosphates,
illustrated for adenosine triphosphate

In a comparison of the catalytic effect of various metal ions on the
hydrolysis of adenosine triphosphate and uracil triphosphate, Milburn et
al. [31]) confirmed that the hydrolysis rates increase with increasing
tendency of the metal ion to form hydroxo complexes. The important role
of hydroxo complex formation was also emphasized by Norman et al. [32],
who studied the hydrolysis of triphosphate in the presence of
cobalt(III) ions. They conclude that the relative nucleophilicity of the
coordinated hydroxide and the y-phosphate group determines whether or
not hydrolysis occurs. If the nucleophilic character of the y-phosphate
is lower than that of the hydroxide hydrolysis will occur. If it is
higher the phosphate group will act as the nucleophile and displace the
hydroxide from the coordination sphere of the metal ion. Consequently,
the metal ion will be chelated by the two terminal phosphate groups and
little or no hydrolysis will result. The nucleophilicity of the coor-
dinated hydroxide ion is believed not to change significantly from one
system to another. It is thus the nucleophilicity of the phosphate group
that determines whether hydrolysis or complexation is favoured. The
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' Incceased
nucleophilicity of the phosphate group is +ewered by electron-donating
substituents and.132222224.by electron-withdrawing substituents.
Presently the mechanism of intramolecular attack by a coordinated
hydroxide has not been demonstrated clearly for monophosphates, but
there are strong indications supporting this hypothesis. Butzow and
Eichhorn [20] studied the lead catalyzed hydrolysis of several
nucleotides and found that hydroxylation of the metal ion was one of the
important factors promoting hydrolysis. A hydrolysis study of some
simple phosphate esters with trivalent cerium and lanthanum ions shows
that hydrolysis rates increase with increasing tendency of the metal ijon
to coordinate to hydroxide ions [33,34]. Unfortunately, no attempt was
made to identify the reactive species. There are also indications that
the hydrolysis rate of p-nitrophenyl phosphate in the presence of cal-
cium and magnesium ions increases drastically at high pH [13]. On the
other hand, present evidence is not sufficient to support the suggestion
that hydroxo complex formation plays a role in the hydrolysis of
8-quinolyl phosphate (see Appendix A).
As discussed above, there are several possibilities how metal ions can
catalyze phosphoryl transfer and hydrolysis reactions. On the other hand
there are some examples where metal ions have been reported to retard
hydrolysis. The hydrolysis of phenyl phosphate and of glucose-1-
phosphate at Tlow pH is retarded by the presence of metal ions [24,28].
The hydrolysis of dinorganic diphosphate and triphosphate has been
studied in detail by Watanabe et al. [30]. At low pH the hydrolysis of
uncomplexed polyphosphates is acid catalyzed. Watanabe et al. postulate
the following hydrolysis mechanism (fig. 1.4):

H H H H H H

0 0 0 0 0 0 0 0
O N R A Y | . ﬂ . I
-T-o-?~o-7- +H =+ -T—O-P-O-I— - -T-o-?-o-T- -+ -T-O-T + HO-P- _ -P-0-P-OH + H' + HO-P-

t
0 ) ot 0 | A
H / \ / \ H H
H H H
R

Figure 1.4: Mechanism of the acid catalyzed hydrolysis of
polyphosphates, as proposed by Watanabe et al. [30].

They also studied the hydrolysis 1in the presence of metal ions and
report that at Tlow pH trivalent metal ions are better inhibitors than
divalent and univalent metal ions. They conclude that the inhibition of
the hydrolysis is due to a decrease of the amount of reactive species R
(see fig. 1.4). Metal ions compete for the phosphate oxygen and displace



a proton. The resulting metal complex is less susceptible to attack by a
-water molecule than the protonated compund. The order of inhibition is |
explained by the increase in .ion-exchange efficiency with increasing
charge of the cation.

Several studies deal with the influence of metal ions on the rate of
phosphoryl transfer reactions. Some typical examples have been presented
above to illustrate different possibilities of metal ion invo]yﬁ%nt.
Complex formation is a first, essential step in these reactions. It is
therefore surprising how little is known about the metal complexes that
form between phosphate esters and metal ions. Only few complexation
- equilibria of phosphates other than those of inorganic phosphates and
the nucleotides have been studied in detail [35-37]. Complexation of the
nucleotides with alkaline earth or transition metal ions has been found
"to involve mainly the phosphate moiety. Weak interactions with the
potential binding sites of the ester group, such as e.g. the nitrogen of
the purine base in adenosine monophosphate were found for some metal
ions only [2b,38,39], e.g. for copper(II). Obviously a detailed
knowledge of the complexes present should always be the prerequisite
before any suggestions about reaction mechanisms can be attempted. On
the other hand, "it is not feasib]e to investigate metal-ligand equi-
libria for every single combination of 1ligands and metal ions. It
therefore ' seemed worthwhile to investigate some metal ion-phosphoric
acid ester equilibria in detail. This is the subject of this thesis. If
the parameters that determine the strength of these complexes could be
identified, predictions could be made of the equilibria of structurally
related compounds. In addition, some of the most important factors that
govern complex formation could be identified. '

Apart from their key role in biological systems, organic phosphates are
frequently being used as fertilizers and insecticides [40-42], but
- little is known about their effect on the equilibria in soil and the
-~ consequences for the bioavailability and uptake of trace metals and
micronutrients by plants. In addition, the industrial applications of
organic - phosphates as detergents, plasticizers, stabilizers, additions
to Tubricating oils or as fire proofing agents is still increasing [43],
and phosphate esters have even been used as metal ion extractors for
trivalent metal ionS [44]. A detailed knowledge of the complexes formed
between organic phosphates and metal ions has thus a wide variety of
applications not only to biochemical reactions, but also to numerous
different environmental and industrial processes.




. ec s of the r rch

The initial aim of this work was to investigate the inductive effect of
different substituents on the metal binding and hydrolysis rates of
triphosphoric acid monoesters. It had been suggested [32] in an inves-
tigation of the cobalt(III) assisted hydrolysis of triphosphate that
hydrolysis rates of triphosphates depend on both the nucleophilicity of
the ester group and on the ability of the metal ion to coordinate to
hydroxide ions, i.e. on the metal ion hydrolysis constant. It turned
out, however, that the synthesis of triphosphoric acid esters was much
~more difficult than anticipated (see Appendix C). In addition, triphos-
phates are very complicated systems because they have three phosphate
groups which can all act as binding sites. There are also several posi-
tions for bond fission during the hydrolysis. It has been demonstrated
that metal ions do not only accelerate the dephosphorylation, but also
the depyrophosphorylation [45,46]. In order to find out whether there
exists a simple correlation beween the nucleophilicity of the ester
group and the metal binding or hydrolysis properties, interest turned
towards the study of monophosphoric acid esters, where different effects
are more 1likely to be distinguished from one another. If a set of com-
pounds were studied for which the only binding site is the phosphate
group, it may be possible to see whether such a relation holds and maybe
identify other parameters which play an important role. The following
hypothesis was put up and investigated. The less nucleophilic, i.e. the
more electron-withdrawing the substituent of the phosphate ester, the
weaker will be the metal complex because negative charge is displaced
from the phosphate oxygens towards the substituent. The phosphate oxygen
is therefore rendered less negative and cannot attract positive cations
as strongly as a more negative site. If, on the other hand, the ester
group 1is electron-donating, the phosphate group will be polarized such
that the charge density at the phosphate oxygens will increase. Cations
will be bound more strongly.

If the inductive effect of the substituent as described above is the
major factor that governs complex formation, the complex formation
enthalpies should refiect this, too. If they do not follow the predicted
trend, it may be possible to gain some insight as to which other factors
affect the complex equilibria, e.g. whether or not solvation, size, or
shape of the ligands play any detectable role.

Another point of interest is the possible correlation of the strength of
the metal complexes with the particular properties of the metal jon. The
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affinity of a metal fon for a negatively charged 1igand can be measured
by the strength of its hydroxo complex, M-OH. The stronger the metal-
hydroxo complex, the weaker should be the metal ligand complex because
the 1ligand and the hydroxide ions compete for the metal ion. It is also
interesting to see which metal ions form metal-ligand-hydroxo complexes
and to compare their stabilities with each other. The knowledge about
‘metal-ligand-hydroxo complexes is of particular interest in connection
with the hypothesis that coordinated hydroxide ions play an important
role in phosphate ester hydrolysis (as discussed in section 1.1).

In this thesis I present an investigation of complex formation equi-

- 1ibria between simple phosphate esters and divalent copper, zinc and
calcium ions. The objective of this research is to seek a correlation
‘between the nucleophilicity of the ester group and the strength of the
metal complexes of phosphoric acid esters. In addition, protonation and
.copper complex formation enthalpies have been determined in an attempt
to identify other factors that influence the stability of the metal
complexes. The possibility of similar correlations for triphosphates is
also discussed.
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HOICE OF LIGANDS AND A N
2.1 Nucleophilicity scales

There are several applications where it is essential to know the
stability of 1ligand-metal complexes. For example, a prediction of the
sensitivity or specificity of a metal separation method must take into
account not only the stability and specific properties of the complex,
but also those of possible side reactions. In the computer modelling of
biological fluids, e.g. plant nutrient solutions [47,48], seawater [49-
51], sewage water [52], urine [53] or blood plasma [54], a data base of
~as many as possible stability constants of the complexes formed between
all relevant metal ions and all relevant ligands is required. Not all
these stability constants have been measured and it is therefore essen-
tial to develop methods in order to predict them. A lot of effort has
been invested in the prediction of formation constants. Different ap-
proaches have been used, e.g. analogy with similar 1ligands,
extrapolation or interpolation from existing data or linear free energy
relationships [55,56]. Free energy relationships relate energy changes
in equilibria or reactions as expressed through log B or a rate constant
k with those of a chosen standard. Since Hammett [70] discovered that
for substituted benzoic acids, a plot of pK against log k, the rate
constant for the ester hydrolysis, is linear, similar relationships have
been found for a variety of monodentate and polydentate ligands. The
main types of relationships that have been considered are correlations
of the magnitude of stability constants of a fixed 1igand with the
properties of different metal ions [57], correlations between stability
constants of a series of related 1igands with one particular metal ion
[58-62] and correlations between the variation of stability and the
composition of the solvent [63]. Numerous suggestions [57,63-69] have
been made, both theoretical and semi-empirical, as to which general
equation should be used to describe such relationships, and the condi-
tions under which such relationships are valid have been discussed.

The two equations most commonly used are the Hammett equation [55] and
the Taft equation [56]. Both correlate the pK or log k of a member of a
certain class of 1ligands with a so called substituent constant 0 and
o*, respectively. The Hammet equation relates pKa (or the hydrolysis
constant k) of substituted acids and bases to the pKa (k) of the
unsubstituted acid or base, ng (k°) by

pKa = ng ~-p2Zo0

-t O

(2.1)
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a? is called the substituent constant assigned to a particular sub-
stituent i and is set equal to zero for hydrogen. p is constant for a
particular equilibrium and is called the reaction constant. It is being
arbitrarily assigned the value 1 for benzoic acids.

To improve the fit of the Hammett equation to experimental data, and to
extend its application range, o® can be diVided into different com-
ponents, e.g. 0; and OR» where 0y describes the inductive effect of the
substituent and oR the contribution due to resonance, e.g. x-electron
df%]oca]isation in benzoic acids. In addition it has been found that the
position of the substituent influences the pKa considerably, which lead
~to the distinction of o values according to the position of the sub-
stituent [55].

The Taft equation is a special case of the Hammett equation; it is
applicable to systems where resonance effects do not play any con-
siderable role, e.g. to aliphatic ester hydrolysis. In the Taft equation

pK, = pK: (2.2)

*
a j

- 5'2 o
i

* *
p and o. are again the reaction constant and the substituent constants,

respecti;ely. In contrast to the Hammett equation, a* equals zero for
the methyl group rather than hydfogen.

Because of the numerous successful correlations of ¢° or a* with
pKavalues and hydrolysis constants, the substituent constants can be
regarded as a general nucleophilicity scale. Because the correlation of
o® and o* was not always favourable for phosphorus compounds, however,
it has been suggested [71] that a different set of substituent constants
a¢ should be used. The authors explain the need for the special set by
the fact that although electronic effects of the substituents are most
probably of the same nature as those at carbon atoms, there are specific
differences in the resonance effects. Carbon binds substituents through
its x-electrons whereas binding at phosphorus involves d-electrons.
Unfortunately, none of the nucleophilicity scales o°, o* or o¢ could be
used in this thesis. Such constants were not available for all the
ligands studied. Rather than trying to estimate substituent constants by
some more or Jess accurate procedure, a different measure for the
nucleophilicity of t2e ester group was looked for. The possibility of
using the -0-H strq@hing frequencies of the substituent alcohols was
discarded because apart from the fact that again not enough data were
available, it has been demonstrated that -0-H strqéhing frequencies do

not correlate with hydrolysis rate constants [15]. Nmr chemical shifts

0
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are pH dependent and although they have been successfully applied as
structural parameters [15,73] they are somewhat problematic. The pK
value of the substituent alcohol pKROH had also been successfully used
as a structural parameter to correlate hydrolysis constants of aryl
phosphates with a property of the aryl moiety [11]. The pK value of the
substituent alcohol, pKROH’ was eventually chosen as the structural
parameter to be used in this thesis to describe the nucleophilicity of
the substituent R. The higher the pKROH’ the higher the nucleophilicity.
pKROH values of alcohols are normally measured by potentiometry or -
especially if the pK is high as in the case of the simple alkyl
- alcohols- by spectrophotometric techniques. The alcohol itself is often
used as the solvent rather than water. Therefore some caution must be
applied when comparing the pK values. pK values measured in solvents
less polar than water tend to be lower than those measured in water
[74].

2.2 Choice of ligands

In order to ensure that metal binding occurs only at the phosphate
moiety, the substituent R must be chosen so that it does not contain any
binding sites. This is important as it is very difficult to account for
the increase of stability due to chelation when comparing stability
constants of different ligands.

The following set of monophosphates has been chosen for the present
study: p-nitrophenyl phosphate, phenyl phosphate, 1-naphthyl phosphate,
a-D-glucose-1’-phosphate, glycerol-2-phosphate and methyl phosphate.The
pK values of the substituent alcohols are summarized in table 2.1.

The glycerol and glucose molecules (fig.2.1) contain more than one
hydroxide group.

/oH Ho\

C'GQ,//IO - Hoo /'

/ \(, ' P y 3
Ha \ S/C,Z\ c'p H \
HO 0w Ho

Figure 2.la: a-D-Glucose Figure 2.1b: Glycerol
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The pK of all but one OH group are so high that they have not been
determined. It is therefore justified to assume that these OH groups do
not have any disturbing effect on the equilibria of the phosphate group.
In order to predict the complexation of glycerol phosphate and glucose
phosphate from pKROH the phosphate group must be attached to the "right"
oxygen, i.e. the oxygen which pKROH refers to. In the case of glucose,
pKROH has been assigned to the 1’ position [75]) which means that
glucose-1’-phosphate is a member of the series of compounds under inves-
tigation, whereas glucose-6’-phosphate is not. Assignment of the pKROH
of glycerol to any of the three possible OH groups could not be found in
~the 1literature. I therefore attempted to assign the pKROH to either the
central or a terminal OH group by carbon nmr of solutions containing
0.5 mo1/1 glycerol and varying amounts of NaOH (0-8 mol/1). The chemical
shifts of both the central and the terminal -C-OH groups was found to
increase with increasing hydroxide concentration by exactly the same
amount. It is therefore impossible to assign the pKROH to one particular
site. This indicates that the protons are being shared by the three OH
groups and that these cannot be distinguished. Consequently i}tcannot be
decided which of the two isomers, glycerol-1-phosphate or glycerol-2-
phosphate belongs to the series of phosphate esters under investigation.
As the pK=14.15 seems to be an average for all three protonation sites
(see above), it seems most 1ikely that neither of the two isomers fits
into the series. It 1is still interesting, however, to study the com-
plexation of glycerol phosphate in order to see whether a linear free
energy relationship holds for all phosphate esters (not containing
binding sites in their ester group), or whether such a relationship is
restricted to certain types of phosphate esters.

It would have been desirable also to investigate the di- and triphos-
phate ana]ogS in detail. Unfortunately, there are few published
synthetic routes other than for the nucleotides, and often the amount of
substance obtained is minute compared to the amounts of starting
material wused, so that these procedures cannot be applied if several
grams of product are required. An attempt was made to synthesize
methyltriphosphate, phenyltriphosphate and p-nitrophenyltriphosphate but
the products obtained were not pure enough (see Appendix C). Instead, it
was decided to investigate the complexation behavior of
fluorotriphosphate. This is not a true analog as it is not a phosphate
ester because the substituent F is bound directly to the phosphorus
atom. The effect of the strongly electronegative F should be enlarged
with the missing oxygen which would have acted as a type of buffer.
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[able 2.1: Protonation constants of alcohols

alcohol log B I T solvent reference

methanol 16.05 1.0 LiCl 20°C methanol [76]

16.60 1.0 [CH3]4NC1 20°C methanol [76]

15.89 1.0 Li tosylate 20°C methanol [76]

16.68 25°C methanol [77]

glycerol 14.15 [78]

glucose - 12.28 0 25°C water [79]

| 12.46 0 25°C water [80]

1-naphthol 9.411 0.01 25°C water [81]

9.416 0.02 25°C water [81]

9.416 0.04 25°C water - [81]

9.36 0.063 25°C water [82]

phenol 9.996 0.02 25°C water [83]

9.999 0.05 25°C water [83]

10.003 0.1 : ~25°C water [83]

9.79 0.5 KNO3 25°C water [84]

9.85 0.027 NaC]O4 25°C water [84]

9.80 0.1 NaC]O4 25°C water [85]

p-nitrophenol 6.89 0.1 NaC104 25°C water [85]

6.96 0.5 KNO3 25°C water [84]

7.16 0.05 25°C water [82]

7.152 0.02 25°C water [83]

7.148 0.03 25°C water [83]

7.140 0.04 25°C water [83]

7.144 0.06 25°C water [83]

7.138 0.08 25°C water [83]
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2.3 Choice of metal ions

The tendency of a metal idon to form M-OH bonds is expressed by its
hydrolysis constants

. ) (z-1)+ +
M+ 0 S MOH(ZTDY L gt qgg g - [HOH z+]J [H ] (2.3)
. ”

Divalent metal ions were wused in this study because their hydrolysis
constants cover a rather wide range (-3 to -14 [86]). Their behaviour in
_aqueous solution is well characterized and they themselves and their
~metal complexes can be studied at physiological pHs. Results can be
directly applied to biochemical reactions where divalent metal ions are
abundant and play an important role in several metabolic processes.

2+ 2+ 2+

R Zn2+, Cu
2+

2+

Initially, it was thought that the metal ions Ca

or Sn2+ would be a suitable set where ng+
2+

, and Hg
or Sn
and Zn

would serve as probe

for a strongly hydrolyzing metal ion; Cu has intermediate and

Ca2+ has low hydrolysis power.

The hydrolysis constants of these divalent metal ions are summarised in
table 2.2

Table 2.2: Hydrolysis constants of divalent metal ions at T=25°C and I=0
[86]

2+ 2+ 2+ 2+ 2+

metal ion Ca In Cu Hg ~Sn

hydrolysis constant -12.85 -8.96 -8.00 -3.40 -3.40

However, preliminary experiments with the monophosphoric acid esters
showed that with tin and mercury precipitates occurred over the whole pH
region (as in the case of mercury and orthophosphate [87]), so that
complexation with these two metal ions could not be studied.
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XPERIMENT PPROACH

3.1 Choice of method and experimental conditions

- Several methods are applied to investigate metal complexes in solution;
e.g calorimetry, solvent extraction, absorption spectroscopy,
polarimetry, nuclear magnetic resonance spectroscopy (nmr), infrared
spectroscopy and potentiometry [88,89]. Potentiometry is widely used as
one of the most accurate and sensitive techniques to determine stability
constants and has also been used in this investigation. During a poten-
- tiometric titration, the hydrogen ion concentration is measured as a
function of the volume of titrant added to a solution containing ligand,
metal ion and strong acid. In order to obtain the protonation constant,
the hydrogen ion concentration can be compared to the expected hydrogen
ion concentration if no ligand is present. The protonation constants are
obtained by an optimization procedure by means of a computer program,
e.g. ESTA [90] or MINIQUAD [91]. Similarly, metal complex formation
constants are obtained by comparing the hydrogen ion concentration of a
solution containing ligand and metal with that of a solution of the
uncomplexed 1ligand. The sensitivity to pick up metal complexation can,
in principle, be greatly enhanced by the use of metal ion sensitive
electrodes. They can directly measure the concentration of uncomplexed
metal ions rather than determining their concentration indirectly via
the effect their complexation has on the release or uptake of hydrogen
ions by the 1ligand, as measured by a glass electrode. Unfortunately,
some of the presently available metal ion sensitive electrodes have slow
response times or are sensitive to the presence of other ions which
interfere with the electrode reaction. The precision that can be ob-
tained is often lower than that of a glass electrode [93]. For some
metal ions, e.g. zinc, such electrodes have not yet been developed. In
the potentiometric investigations undertaken in this thesis, glass
electrodes were used throughout.

There are two important methods used in the determination of reaction
heats: calorimetry and potentiometry. In the potentiometric approach,
the formation constant of the complex under investigation is measured at
different temperatures. AH is calculated from the slope of a plot of 1n
K versus 1/T according to the van’t Hoff equation

d In K _ AH
aT " R1? (3-1)
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Integration of the van’t Hoff equation (eq. 3.1) leads to

an,-anZ-%(%-ﬁ) (3.2)

In the derivation of equation 3.2, it has been assumed that both AS and
AH do not vary with temperature. This assumption is not normally valid
but in many cases the variation is negligible if the temperature range
is not too 1large. Calorimetry is a more direct method to determine AH
and no assumptions with respect to AH or AS have to be made if isother-
mal conditions are employed. Data obtained from calorimetric
measurements are therefore believed to be more accurate. Hence in the
present work the calorimetric approach was chosen to determine reaction
heats of phosphoric acid esters.

Nuclear magnetic resonance spectroscopy was used to assign the various
possible binding sites of a 1ligand.

Although the aim of this work is to study the influence of different
substituents on the metal binding properties of phosphate esters, one
might still want to apply the results obtained here to biochemical
systems. Therefore the experimental conditions should resemble the
biological environment as closely as possible. The ionic strength of
most body fluids is around 0.15 mol/1, and sodium chloride is presenf in
high concentrations, so that a 0.15 mol/1 solution of sodium ch]o}ide
constitutes a suitable background electrolyte and was employed in the
studies of the monophosphates. Triphosphoric acid, however, complexes
sodium ions to a non-negligible extent [35], so that the triphosphates
were studied in tetramethylammonium chloride solution. Triphosphoric
acid does not form complexes with the tetramethylammonium ion [93].
Competition between the metal ion under investigation and the ions of
the background electrolyte is thus avoided. The ideal temperature for an
application 1in biological systems would be 37°C. At 37°C it would have
been necessary to ensure that the whole titration setup is kept insu-
lated in order to avoid vapour condensation inside the titration
assembly for the potentiometric titrations. Besides, most formation
constants and enthalpies found in the literature were determined at
25°C. It was therefore decided to perform all experiments at 25°C, thus
avoiding the insulation problem and having the advantage of being able
to compare directly the results with lTiterature values.
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3.2 Potentiometry
3.2.1 Iigrgtion apparatus

The potentiometric titrations were performed in a titration vessel using
a Metrohm automatic burette (Dosimat E635) controlled by a Metrohm
automatic titration controller (Titroprocessor E636), which also re-
corded the experimental emf readings and the volume of titrant added.
The emf was measured by a glass electrode (Metrohm 1047) with a calomel
reference electrode (Metfohm 1028). The calomel electrode was filled
with saturated sodium chloride solution in order to match the background
R electrolyte and to minimize the 1iquid junction potential. The titration
vessel was thermostatted at 2510.1°C with a Lauda thermostat. In order
to exclude carbon dioxide and oxygen a nitrogen atmosphere was main-
tained in the vessel. Before being admitted to the titration vessel the
high purity nitrogen was passed through a sequence of wash bottles for
further purification. The five bottles contained:

50% potassium hydroxide to remove carbon dioxide

Fieser’s solution [94] to remove oxygen

. distilled water

an empty bottle (trap) thermostatted at 25°C

. a solution of the background electrolyte (0.15 mol/1 sodium
chloride or tetramethylammonium chloride solution thermostatted
at 25°C

N W -

The nitrogen was released to the atmosg@re via a trap containing the
background electrolyte. This prevents back diffusion.
The schematic of the setup is shown in figure 3.1.
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Fiqure 3.1: Schematic setup of the titration apparatus

3.2.2 Performance of the titrations

Two different approaches were used in the titrations:

1. Titration with hydroxide solution or hydrochloric acid solution
(0.01-0.02 mol/1):
Acidic solutions with ligand to metal ratios between 4:1 and 1:4
were titrated with hydroxide solutions (0.1-0.2 ml aliquots) until a
precipitate formed. Protonation constants were determined from titra-
tions without metal ions. Reversibility of protonation titrations was
checked by titrating acidic solution with base and basic solution
with hydrochloric acid.

2. Titration with metal chloride solution (0.02-0.05 moi/1):

The 1ligand solution was brought to the desired pH by titration
with hydroxide or hydrochloric acid solution. Metal chloride was then
added (0.1 or 0.2 ml aliquots). Several titrations at different pHs
were performed.
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The first approach has the advantage that the entire pH range can be
covered 1in one experiment. The second approach has the advantage that a
considerably greater range of extent of complexation can be attained
without interference by precipitate formation. This is especially useful
in the study of weakly complexing ligands. Some of the ligands were
studied by both methods.

Two different glass electrodes were used in turn. At 25°C their emf
reading E is related to the pH of the solution by E = EO- 59.16 log [H].
: E0 values shift with time and have to be determined frequently.
Initially, the electrodes were calibrated by titration of ligand solu-
-tion in the low pH region before metal solution was added, and EO
calculated by ESTA. Later, however, they were calibrated weekly in acid-
base titrations. Prior to each metal-ligand titration, the emf of a
hydrochloric acid solution was compared with the reading the same
~hydrochloric acid solution gave prior to the initial acid-base
calibration. Eo values were adjusted accordingly. They were found to
differ by less than 0.1 mV, i.e. within error from the Eo found.in the
ligand titration, so the second approach was adopted.

3.2.3 Data Analysis

In any solution containing metal ion M, a strong acid H and a ligand L
complexation can occur. The ~complexes can be characterized by their
overall thermodynamic equilibrium constants B:

L -
pPL + gM + rH _ LquHr

- (LquHr)

CWPMSHT

(3.3)

Negative r refers to the removal of H and (x} is the activity of the
species Xx. )

Alternatively, complexes can be described by stepwise formation con-
stants K. The corresponding reaction is the addition of one ligand
molecuie, one metal ion or one broton to an already existing complex.
For example, the formation of the complex LZMH can be regarded to occur
in three complexation steps and can be described by the three stepwise
formation constants Kl’ KZ’ and K3:
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L+H? LM K - t{T_%ﬁj
(L)
2 = TLH) (M)

. (L,MH)
LMH + L ] LMH K3 = Ty (O

LH + M LMH K

(3.4)

The overall stability constant-for the formation of LZMH, BL MH? is the
2
product of all n stepwise stability constants Kn:

B =K (3.5)
LquHr p

Ll — =]

There 1is only one way to define the overall stability constant, but
there are various possibilities to define stepwise formation constants.
In the above example one could have built the complex LZMH by sub-
sequently forming LM, LZM’ and then LZMH. Although the use of stepwise
formation constants can be employed to indicate the proposed mechanism
of the complex formation during a titration, overall stability constants
are unambiguous without having to state the particular reaction step
they refer to.

Thérmodynamic equilibrium constants are defined in terms of activities.
In practice activities are very difficult to measure and are normally
unknown.  Therefore, one usually defines stability constants in terms of
concentration:

B = [Lpfgh ] (3.6)
[LIP[M1%H"

A1l equilibrium constants reported in this thesis are defined according
to equation 3.6. '

With (x} = 1X[x], where 7x is the activity coefficient of x we get:
™M T 7
- {LngHr} . Mp Mq ,Hr

TP 9T v
(WLPMIH) LMo,

= B.y R (3.7)

B will only be constant if v is kept constant. Activity coefficients
2
vary with varying ionic strength I = ¥ 2 Zi[xi] (Zi is the charge of
i

species i) i.e. ¥ = f(I). In order to keep y constant, the ionic
strength must be kept constant. This can be achieved by carrying out the
investigations in a Tlarge excess of inert background electrolyte. The
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background electrolyte must not participate in any reactions and its
concentration must be high compared to the concentrations of the react-
ing species M, L and H so that it is always the dominant contribution to
the ionic strength 1. Stability constants determined in this way are
valid at the ionic strength and for the background electrolyte employed
only. Strictly, they cannot be transferred to other systems. On the
other hand, it is not practicable to determine stability constants at
every’sing]e ionic strength. Thereﬂf@ procedures have been developged to
convert stability constants from one ionic strength I to another. For
example, the Debye-Hiickel theory relates the activity coefficient 75 of
 the ion i to the ionic strength I:

, .
- tn 7y, = _Zi_A_i (3.8)
1+a.B A |

where Z; is the charge of the ion, A and B are constants, and a, is an
jonic size parameter.

The derivation of the Debye-Hiickel equation is based on the following
assumptions:

- complete dissociation of the electrolyte
- 'non-ideal behavior of the ions 1is caused by interionic
attractions
- no interaction with the solvent
- the ions are spherically symmetrical
- the Boltzmann distribution function applies.

The Debye-Hiickel theory is a good description in very dilute solutions.
At high ionic strength, deviations become Tlarge. Therefore several
attempts have been made to improve the theory by incorporating e.g.

interactions between solute and solvent
solvent orientation

dielectric saturation
different interaction potentials leading to different distribu-
tion functions

overlap of hydration spheres (i.e. no longer hard spheres).
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A1l the theories involve experimental parameters, e.g. an ionic size
parameter which are normally refined from experimental data. The whole
problem is thus not yet satisfactorily solved.

If only. small changes in ionic strength occur, an extended form of the
Debye-Hiickel equation

2

1i(I) = —51—5——11- + ciI, where C; is an additional constant
1+a8 J1 (3.9)

has been found useful [95]. Satisfactory results are obtained by this
- equation. This method was used if stability constants had to be trans-
ferred to a different ionic strength to be comparable with experimental
results obtained in this thesis. It is also used in the computational
analysis of experimental data (see below).

The data obtained from the titrations (ml titrant added, emf measured)
were processed by the computer program 1library ESTA [90]. The data
analysis is illustrated in Fig. 3.2. In the initial stage, the average
number of protons released per metal ion

- %

Q= (TH - TH) / TM ’ (3.10)
is calculated by the program QBAR. T; is the calculated total concentra-
tion of protons in the system, that would be necessary to give rise to
the observed pH if no complexation took place, and TH and TM are the

total concentrations of protons and metal ions, respectively. The
average number of 1igands bound per metal ion, Z

Z=(T -[L])/ Ty=(T -A (1+§ BLHn[H]") / Ty (3.11)

where A = (T, -[H] + [0H])/3 B, [H]")
n n

is calculated by the program ZBAR. TL is the total ligand concentration.
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Figure 3.2: Flow diagram showing the data analysis procedure
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Both Q and Z are calculated under the assumption that only mononuclear
complexes of the type HnL and LnM occur. In this case, the formation
curves for different 1ligand to metal ratios overlap. If the highest
value of Z 1lies on a plateau and is equal to an integer p, then the
highest mononuclear complex formed is L M. Often it is impossible to
obtain a full formation curve, either because experimental conditions
cannot be chosen as to cover the appropriate pA range because of e.qg.
precipitate formation, or because the complexation is too weak to con-
vert all ligand molecules into the complex. The highest value of Z still
gives an indication of the minimal number of ligand molecules bound per
~metal idon. If for example q=1.5 we can be sure that at least the two
complexes LM and L2M occur in the solution. The assumption of only
mononuclear complexes 1is not valid for many systems, but a plot of Q
versus pH and Z versus pA, i.e. -log[L], can still serve to give an
indication which complexes might be present. From experience, we know
that hydroxy complexes often cause a backfanning pattern of Z at low pA,
and protonated species sometimes cause bumps at high pA as well as
cross-over of titration curves of different ligand to metal ratios. If Q
exceeds n, the number of protons bound to the 1igand with no metal
present, this indicates species of the type LZM’ L3M ... at low and
intermediate pH and/or hydroxy species at higher pH. If, on the other
hand, n = Q, we most probably have a LM species in our solution.

If no metal ions are present, the proton formation function 7H is calcu-
lated instead of Z or Q. ZH is defined as:

T, - [H] + [OH]

7, - T (3.12)

7H is the average number of protons bound to each ligand molecule.
Initially, ZH was also calculated for systems containing metal ions, but
because it was found to be difficult to interpret, it was only con-
sidered in some special cases.

Once a set of possible complexes had been selected, starting values for
the refinement of these were obtained using the program BETA. This
program calculates formation constants separately for each data point.
It also gives an indication in which pH range proposed complexes occur
and whether they have significant concentrations. If the chosen set of
complexes seems reasonable, the formation constants can finally be
optimised by a 1least squares procedure, using a weighted objective
function U based on emf residuals using the program OBJE. OBJE simul-
taneously solves the three mass balance equations that can be set up for
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the total concentrations of 1igand, metal ion and hydrogen ion. At any
point during the titration they can be calculated from the free con-
centration plus the concentrations of the various species:

—
[l

L [L] + [LM] + 2[L2M] + ...,

R Q P
22 3 p8 oy (L7 M9 )T
=-R q=0 p=0 pqr

R Q P .
Ty= 3 3 3 q8 . [LIP (M9 H)
r=-R q=0 p=0 pqr
R Q P . -
Ty= 2 3 3 r8 ,, [LP M9 H] (3.13)
=-R g=0 p=0 pqr

[H] has been measured by the glass electrode (as emf) and the total
concentrations are analytically known. Thus, the parameters [M] and [L]
have to be refined for each titration point and the formation constants
BL M Hr for the whole set of data.

~ The objective function U used in the program OBJE is defined in terms of
emf values:

N
pX

-1
U=(N-n)
P n=1

w (emfOPS . enfC2lC )2 (3.14)

N is the total number of experimental points and np is the number of
parameters that are optimized. The weights W, are calculated at each
titration point from the specified standard deviations ¢ according to:

- a_ obs _ calcy,2 2 -1
W= ( ﬁ ( ap (emfn emfn )) ap ) (3.15)

where the sum extends over all p parameters for which errors are
specified. The goodness of fit is expressed by the R-factor

N
R = (U/ 2w, (emfOPS )2 )¥ (3.16)
n=

Ideally, R should be equal to R]im’
N .

Ry = VT, (enfPS )2 )} | (3.17)
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if the model describes the system perfect]y. Strictly, R]im can only be
applied if all errors are non-systematic. This assumption, however, is
not true for the analysis of titration data. A random error in e.g. the
electrode intercept acts as a systematic error on all titration points.
It is nevertheless assumed that a comparison between R and R]im is a
reasonable measure of the goodness of the fit. Because the assumption of
non-systematic errors is not satisfied, R can drop slightly below R]im
in some systems (see e.g. table 4.1 or table 4.6).

Often only the titre volume and the emf are weighted, as these are
supposed to be causing the greatest statistical errors. In this work,
~ however, 1 decided to introduce weighting for all experimental values.
The following errors were specified: concentrations 0.1%; electrode
intercept Eo 0.1mV; electrode slope 0.05mV/pH; titre volume 0.001ml; emf
0.1mV; initial volume 0.1%. The choice of the standard deviations leads
to enormous differences of the objective function U. R decreases as the
specified errors increase, but the obtained formation constants are not
affected. To correct for the small changes of ionic strength during the
titrations, corrections were applied using the D-HC block of ESTA, where
an extended form of the Debye-Hiickel equation (eq. 3.9) is used.

The procedure described above was repeated for different possible sets
of complexes. For those sets which fitted the data well, speciation
plots were obtained, i.e. the concentration of each complex was plotted
against pH. Complexes in which less than 5% of the metal or the ligand
is bound were regarded as artefacts and the models discarded unless
these complexes occured on either end of the pH range studied. Models
containing complexes with calculated standard deviations exeeding 0.1
were also discarded. Finally, theoretical Z and Q plots were obtained
for the vremaining models and compared to the experimental plots.
Sometimes models seemed to fit equally well and they were distinguished
by the Hamilton R ratio test [96]. It is expected that by using these
four criteria, U, R, Z and Q, the best models have been found.

In order to confirm the model, the stability constants were re-refined
using the OBJT program df ESTA or MINIQUAD [91], where in contrast to
the OBJE program, the objective function is based on the total hydrogen
ion concentrations. No corrections for ionic strength can be applied
here. It has been suggested [97] that once the final model is found, the
stability constants can be further improved by refining the stability
constants B, the electrode intercept Eo, and the concentrations of acid
and ligand in the vessel, [H]vesse1 and [L]
procedure is discussed in Appendix B.

vessel at the same time. This
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3 me
ration_apparatus

The calorimetric titrations were performed in an isothermal titration
calorimeter, Tronac model 550 [98,99]. The schematic of the setup is
shown in figure 3.3.

[AERNEEERE
temperature -

overhead stirrer display

burette
input output RSN J] '
electronic ]
regulator water
bath t
calibrator power 25°C g

| — [T \
. . \
cooling rate //control "heater \\thermistor

7 1
thermistor Peltier cooler

calibration heater
Figure 3.3: Schematic setup of the titration calorimeter

The reaction vessel is a small thermally insulated chamber that holds
30m1 of solution. The inside wall is made of tantalfum which is very
reaction inert. In the vessel are a glass stirrer, a calibration heater
and two thermistors. One monitors the temperature in the reaction vessel
and the second one is part of the temperature regu]atidn system. The
reaction vessel is immersed in a 100 1 water bath. The water temperature
is regulated so that it does not vary by more than 0.002°C. The reaction
vessel is maintained at the average bath temperature to 15-10'5°C. This
is achieved by applying a constant cooling rate through the Peltier
cooler, which is balanced by an appropriate heating rate from the con-
trol heater. The heating rate is automatically adjusted by a regulation
circuit which obtains its input signal from one of the thermistors. The
reference signal i.e. the required constant temperature, was set to the
average bath temperature.
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The heat is admitted in the form of pulses of fixed energy. The amount
of heat per pulse as well as the cooling rate are adjusted manually.
During a titration the cooling rate is kept constant. Up to 2.5ml1 of
titrant .is added to the reaction vessel from a motorized Gilmont preci-
sion microburette. If the reaction is exothermic (endothermic) fewer
(more) heat pulses per time interval are needed to keep the temperature
at its initial value. The difference in the number of heat pulses in
equal time intervals before and during a titration run is a measure of
the heat of reaction released or absorbed during the interval.

- 3.3.2 Performance of the calorimetric titrations

Protonation enthalpies were determined by titrating 22ml ligand solution
(0.05 mo1/1) with hydrochloric acid solution (0.45 mol/1). It would have
been desirable to perform the calorimetric titrations under exactly the
same conditions as the potentiometric titrations. Unfortunately, this
proved to be impossible because the reaction heats are rather small. In
order to obtain a reasonably large signal the concentration of the acid
in the burette had to be as large as 0.45 mol/1. The ligand concentra-
tion in the vessel was raised to 0.05 mol/1 so that the whole content of
the burette, 2.5m1, was needed to protonate fully 22ml of ligand
solution. Ligand solutions were made up to a chloride concentration of
0.055 mol/1. If 0.15 mo1/1 had been used as in the potentiometric titra-
tions, the initial idonic strength of the solution would have been as
high as 0.3 mo1/1. I decided that it would be preferable rather to keep
the ionic strength near the chosen value of 0.15 mol/1 than to keep the
chloride concentration at 0.15 mol/1 because all equilibria depend
strongly on the ionic strength, but not on the individual ion
concentrations. With 0.055 mol/1 sodium chloride the initial ionic
strength of the whole solution was adjusted to 0.19 mol/1. During a
titration, it changed between 0.19 and 0.13 mol/1 This change can be
tolerated considering that in general AH does not vary significantly
with varying ionic strength [100]. The acid was added at a rate between
0.125 m1/100sec and 1 m1/100sec depending on the heat of reaction.
Copper complexation enthalpies were determined such that a maximum
change of the number of moles of the complex of interest, LM, occurred
during the titration. 25ml of ligand solution (0.005 mol/1, 0.15 mol/1
C17) at various pHs were titrated against copper chloride solution
(0.12 mo1/1). The chloride concentration thus increases to 0.16 mol/1 at
the end of the titration.
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The heat of dilution of hydrochloric acid was measured in separate
experiments by titrating hydrochloric acid into 0.055 mol/1 sodium
chloride solution. The heat of dilution of copper chloride was measured
by titrating the copper chloride solution into 0.15 mol/1 sodium
chloride solution.

3.3.3 Calculation of complex formation enthalpies

Before AH can be calculated the heat of dilution has to be subtracted.
Baseline shifts due to the change of stirring heats and possible drift
- of the apparatus were assumed to be linear with time. The measured heats
were corrected accordingly. From the corrected heats Q, the protonation
enthapies AHLH for the reaction L + H » LH were calculated according to

AH (3.18)

= Q
LH ~ moles of LK formed
and the results for the different titrations were averaged. In order to
obtain AHi for the formation of the different copper complexes, the
linear equation

S n.AH, = Q | (3.19)

has to be solved (ni is the number of moles of complex i generated and
AHi the enthalpy of formation of complex i). There are more equations
(experiments) than there are unknowns (complexes). Therefore the program
MINUIT (CERN program 1library D506) was used to calculate AHi by
minimizing

. - Q ~ 2 . - 2 n.: AH.\2
3 [Qexp,a ca]c,;] -3 {Qexp,_)Q i .13 1] (3.20)
J exp,J J exp,J

The index i again refers-to the different complexes and the index j to
the different titrations.

The change in the number of moles of each compound present was calcu-

lated using the SPEC program of ESTA.
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’IP and 13C nuclear magnetic resonance (nmr) spectra of the solutions
were recorded on a Varian VXR 200 spectrometer.

Each solution was introduced to a nmr tube and into this a capillary
tube containing deuterium oxide and trimethyl phosphate was inserted.
Deuterium oxide provides the lock and trimethyl phosphate was used as
internal reference both for phosphorus and carbon spectra.

Nmr "titrations”™ were performed by making up a series of solutions
containing the ligand and the background electrolyte at specific pHs. In
~order to obtain evidence on the possible intramolecular stacking inter-
actions of 8-quinolyl phosphate, a series of solutions at fixed pH, but
with different 1ligand concentrations was prepared. Nuclear magnetic
resonance spectroscopy was done at room temperature.

4. RESULTS

4.1 Potentiometric results and nmr results
4.1.]1 General

In this chapter all potentiometric results will be reported and compared
to literature values, if available. Results obtained by nuclear magnetic
resonance spectroscopy will also be presented. After a short summary of
some general observations, the particular problems that occugéa with
each of the 1ligands will be discussed, and the final results will be
presented.

A1l experimental data were analyzed for the following complexes and
combinations thereof: ML, MLZ’ ML3, MLH, MLH_l, MLH_Z, M2L° In the case
of triphosphates the additional complexes M3L, MLH2 and MLH3 were also
considered. The protonation constants that had been determined from
titrations without metal ijon were fixed in the refinements. pKw was
adjusted to an ionic strength of 0.15 mol/1 by extrapolation of litera-
ture data [35-37], and was fixed at 13.73. The final models of
1-naphthyl phosphate, 8-quinolyl phosphate and 8-quinolyl methyl phos-
phate were confirmed using MINIQUAD [91]. The models and stability
constants of all other ligands were confirmed using the OBJT program of
ESTA. Although MINIQUAD and OBJT do not allow for ionic strength correc-
tions the agreement with the formation constants obtained by OBJE was
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always found to be favourable. This confirms that jonic strength changes
during the titrations are negligible.

Complexation of the monophosphates could only be studied in the lower pH
range because precipitates occuqéa in the alkaline pH region. None of
the precipitates was analyzed. It 1is however 1likely that these
precipitates are not 1ligand-metal complexes, but metal hydroxides,
because they always occur at pHs where one can expect metal hydroxide
precipitates. The only exceptions are the titrations with phenyl phos-
phate, where precipitation occurs at lower pHs. These precipitates are
probably metal-phenyl phosphate complexes.

- For complexation of copper and zinc the agreement between experimental
and theoretical formation and deprotonation curves was generally good
except where indicated (see the separate paragraphs on each ligand). The
complexation with calcium is always very weak and the reproducibi]ity of
the experimental titration curves was not always favourable. Titrations
which did not overlap with the majority within 0.03 Z units were ex-
cluded from the modelling.

A11 monophosphates form metal complexes of the composition LM. For some
of the 1ligands the metal-ligand-hydroxo comp]exesALMH_1 and LMH_2 were
also found. Hydroxo complexes are believed to be formed by the removal
of a proton from one of the water molecules in the hydration sphere of
the complex LM. A1l hydroxo complexes occurred at pH values not very far
below the onset of precipitation. Therefore, the number of data points
from which the respective stability constants were obtained is few. In
addition, metal ion hydroxides start forming in the same pH region.
Metal ion hydrolysis constants [86] were adjusted to an ionic strength
of 0.15 mol/1 according to the equations in [86] and included into all
refinements to account for the effect metal-hydroxide formation has on
the pH. Nevertheless, the stability constants obtained for metal-ligand-
hydroxo complexes are probably not as precise as those for complexes in
the Tow pH region.

A common problem encountered during the modelling is that often, it was
possible to refine either of the complexes L,M or LMH_; in addition to
LM, but not both. In most cases the fit including LMH_1 was sig-
nificantly better than the fit including LZM’ or L2M was a minor complex
and the model was discarded. Apart from the fact that there is insuffi-
cient evidence to propose the existence of a complex LZM’ this species
is also considered to be unlikely. The complex formation between the
phosphate group of the ligands and metal ions is weak (1.2<log BLM<2.8)
so that the addition of a second 1igand molecule seems unrealistic.



34

Complexes of the type LZM were not even found for 8-quinolyl phosphate,
which binds metal ions much more strongly due to chelate formation.
Generally the overlap between experimental and theoretical formation and
deprotonation curves seemed to improve with increasing strength of the
complexes. It was found that the overlap between experimental and
theoretical formation curves was usually better than the overlap between
the respective deprotonation curves.

As it would be awkward to show all the experimental and theoretical Z, Q
and iﬁ curves as well as all speciation plots I will only present the
plots for the protonation and copper complexation of two of the ligands.
- Figure 4.1a - figure 4.1e show all experimental and theoretical plots
for the protonation and copper complexation of a-D-glucose-1’-phosphate.
Figure 4.2a - figure 4.2e show the plots for the protonation and copper
complexation of phenyl phosphate. (In all plots every second data point
has been omitted for clarity).

Fig. 4.la and fig. 4.2a show protonation curves of a-D-glucose-1’-
phosphate and phenyl phosphate, respectively. The protonation curves for
different 1ligand concentrations overlap. iH does not rise above 1. This
indicates that in the pH range studied the complex LH is the only
protonated species. At pHs below 4, 7H is equal to 1, i.e. the ligands
are fully protonated. The rise of’ZH to above 1 in the case of phenyl
phosphate (fig. 4.2a) is thought to ‘be caused by experimental error (see
section 4.1.4).

Between divalent copper ions and phenyl phosphate only one complex, LM,
forms. Accordingly, the formation curves obtained from titrations with
different ligand to metal ratios overlap (fig. 4.2b). The complexation
of a-D-glucose-1’-phosphate with copper ions leads to the three com-
plexes LM, LMH_1 and LMH_Z. The presence of hydroxo complexes is
indicated by the strong backfanning pattern of the formation curves
(fig. 4.1b). The higher the ligand to metal ratio, the lower is the pA
at which fanning starts.

The deprotonation curves of the two ligands are quite similar (fig. 4.1c
and fig. 4.2c). This reflects the fact that for both 1igands, LM is the
major species. Both deprotonation curves do not rise above 0.4, indicat-
ing that complexation 1is rather weak. The theoretical deprotonation
curves of phenyl phosphate (fig. 4.2c) indicate a levelling off to the
maximum possible degree of complexation. In contrast, the deprotonation
curves of e-D-glucose-1’-phosphate (fig. 4.1c) start rising more steeply
as pH increases. This rise is caused by the presence of the hydroxo
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complexes, the presence of which is also indicated by the fact that Q
exceeds n at high pH (the n curve is not shown on the plot).

Plots of iH against pH in the presence of copper ions are shown in
fig. 4.1d and fig. 4.2d. A comparison of ZH plots with the protonation
curves obtained in the absence of metal ions (fig. 4.1a and fig. 4.2a)
shows at which pH metal complexes start forming. The metal complexation
reaction is a displacement of hydrogen ions by metal ions. Consequently,
at fixed pH, iH is smaller in the presence of metal ions (fig. 4.1d and
fig. 4.2d) than in the absence of metal ions (fig. 4.1a and fig. 4.2a).
The information contained in the iH plots is also contained in the
- formation and deprotonation curves where interpretation in terms of
possible metal complexes is more obvious. iH plots were thus not used in
the search for possible species. o

The speciation plots for the two copper systems (fig. 4.le and fig.
4.2e) show that complexation is rather weak, as is already indicated by
the Tow values of Q. Not more than about 35% of the ligand is present as
a metal complex at any pH. In both systems, LM is the major complex in
- the pH range studied. Hydroxo complexes of a-D-glucose-1’-phosphate only
occur in  small concentrations at pHs just below the onset of
precipitation.

For triphosphates 'there exists a large variety of possible complexes
because these 1ligands have several possible coordination sites. The
complexes formed are discussed separately for each ligand.
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Figure 4.1a: Experimental (symbols) and theoretical (lines) protonation
curves for the protonation of a-D-glucose-1’-phosphate.

o
Y _
8 The concentrations are:
- [L]=0.00437 mol/1 (@)
[L]=0.00262 mol1/1 (A)
3 [L]=0.00302 mo1/1 (+)
o~ {L}=0.0038] mol/1 (X)
[L]}=0.00203 mol/1 (&)
- [L)=0.00428 mo1/1 (4)
INT S [L]=0.00541 mol/1 (X)
° [L]=0.00541 mol/} (Z)
; - [L]=0.00541 mol/1 (Y)
o
N
o -
o
o~ 1 [ 1 ] i 1 ) 1 ]

! I
2.00 2.80 3.60 4.40 5.20 6.00 6.80 7.560 8.40 9.20 10.00
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Figure 4.1b: Experimental (symbols) and theoretical (lines) formation

curves for the complexation of a-D-glucose-1’-phosphate with copper
ions. ‘
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Fiqure 4.2b: Experimental (symbols) and theoretical (1ines) formation

curves for the complexation of phenyl phosphate with copper ions.
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Figure 4.1c: Experimental (symbols, as in figure 4.1b) and
theoretical (lines) deprotonation curves for the complexation of
a-D-glucose-1’-phosphate with copper ions
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theoretical (lines) deprotonation curves for the complexation
of phenyl phosphate with copper ions
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theoretical (lines) protonation curves for the complexation
of a-D-glucose-1’-phosphate with copper ions
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Figure 4.2d: Experimental (symbols as in figure 4.2b) and

theoretical (lines) protonation curves for the complexation
of phenyl phosphate with copper ions
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Figure 4.1e: Speciation plot of the copper-a-D-glucose-1’-phosphate
system for a copper ion and Tigand concentration of 0.003 mol/1
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Figure 4.2e: Speciation plot of the phenyl phosphate system, for a
copper ion and ligand concentration of 0.003 mol/1
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4.1.2 p-Nitrophenyl phosphate

No major problems were encountered during the experimental work to
determine protonation and copper complexation. constants. The
reproducibility of titrations of the zinc-p-nitrophenyl phosphate system
was poor. It was confirmed by orthophosphate analysis [101] that the
-reason is not an accelerated hydrolysis of the ligand in the presence of
zinc. Not all the data collected were therefore used in the
computations. In the case of copper, some problems arose during the
modelling. Like with zinc, no fanning was observed, and LM is the major
- complex. Addition of the complex 'LZM improved the fit considerably.
Application of the Hamilton R-factor test [96] showed the model includ-
ing L2M to be significantly better at the 95% confidence level. On the
other hand a complex of the type L2M has not been found for any of the
other ligands studied here and is thus thought to be very unlikely to
occur for the weakest member of the series. This is also indicated by
“the fact that Q never exeeds 0.1. Therefore, although a better fit is
obtained for the two complexes LM and LZM’ I believe that LM is the only
complex present. '

The stability. constants obtained for the complexation of the ligand
with protons, copper and zinc are summarized in table 4.1. A protonation
constant of 4.96 (T=25°C, 1I=1 mol/1 KC1) has been reported in the
1iterature'[ll] and agrees favourably with the value obtained here.

No attempt was made to study the complexation with calcium because it is
known to be too weak (log B = 0.88 [102]) to obtain reliable data by
potentiometry.

Table 4.1: Equilibrium constants of p-nitrophenyl phosphate
at T=25°C and I=0.15 mo1/1 (NaCl)

cation cplx log B  std. ng M R pH initial K
- dev. P R concentration

H* LH 4.987 0.001 5 275 0.0054 2.2-8.5 L:0.002-0.006 B

0.0081
Cu2+ ML . 2.148  0.004 9 509 0.0150 2.6-6.3 L:0.002-0.007 B
0.0042 M:0.002-0.005
Zn2+ ML 1.758 0.004 6 233 0.0055 2.4-5.8 L:0.003-0.007 B

0.0143 M:0.002-0.009
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4.1.3 1-Naphthyl phosphate

Performing the titrations to obtain the stability constants of the
proton, copper, zinc, nickel, cobalt and calcium complexes of l-naphthyl
phosphate did not give any unforseen complications. The zinc-1-naphthyl
phosphate system was used to check for the agreement between titrations
with hydroxide in the burette and titrations in which metal ion was
added. Good agreement was found for both the formation and the
deprotonation curves obtained by the different approaches. The stability
constants calculated from the titration data from the titrations with
 hydroxide solution agree with those calculated from the metal ion titra-
tions within error. When titrating with metal ion solution it is
difficult to obtain data points in the pH region where hydroxo complexes
form. This is due to the formation of precipitates. i.e. it is not easy
to aim at the right pH to start the titration.
The formation curves obtained for the complexation with zinc and copper
ions show a backfanning pattern and in both instances the inclusion of
the hydroxo complex LMH_l improved the fit to the experimental data
considerably. No backfanning is found for the complexation with nickel
ions and cobalt ions. It is impossible to decide here whether no hydroxo
complexes form or whether they have not been picked up. In all titra-
tions with nickel ions and cobalt ions, metal jon solution was added
from the burette. If hydroxo complexes only occur in a very narrow pH
region Jjust below the pH at which precipitates start forming, they may
be easily missed.
The complexation of calcium with 1-naphthyl phosphate is very weak.
Nevertheless reasonable 1looking formation curves were obtained which
show a systematic fanning pattern. Unfortunately the data cannot satis-
factorily be fitted by any model. Results depend strongly on the number
of data points used in the refinements. Therefore only data points with
with Z < 0.06 were used to calculate BLM‘ This constant was then fixed.
Further refinements were performed to obtain a value for the suspected
hydroxo complex LMH_l using different numbers of data points. From the
formation constant obtained as well as from the R value and objective
function it 1is impossible to decide whether this complex really exists
or whether its introduction into the model only absorbs experimental
errcr. The complex LMH_l can thus only be suspected to exist. All at-
tempts to introduce complexes other than the hydroxo complex were
unsuccessful.
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The results obtained for the protonation and complex formation of
1-naphthyl phosphate are summarized in table 4.2. Agreement with litera-
ture values is good (table 4.3).

Table 4.2: Equilibrium constants of 1-naphthyl phosphate
at 7=25°C and [=0.15 mol/1 (NaCl)

cation cplx logB std. n R pH initial K

¢ N
dev. P R]im concentration

H* LH 5.740 0.005 4 301 0.0020 2.0-8.0 L:0.002-0.011 A,B

cw?t M 2.635 0.006 6 207 0.0026 2.0-6.0 L:0.002-0.004 B
MLH_; -3.840 0.021 0.0026 M:0.002-0.004

n?t M 2.014 0.011 14 400 0.0049 2.0-6.0 L:0.003-0.011 B,M
MLH_, -4.730 0.025 0.0020 M:0.002-0.015

ca?t ML 1.223 0.006 7 203 0.0302 5.2-6.8 L1:0.003-0.004 M
MLH_; -6.1t0-6.8 suspected 0.0457

NiZt ML - 1.568 0.006 7 84 0.0244 4.0-6.0 1:0.005-0.015 M

0.0072 '
co?t M 1.681 0.002 5 139 0.0104 4.5-6.0 L:0.005-0.012 M

0.0075

Table 4.3: Equilibrium constants of 1-naphthyl phosphate
Comparison with literature values

cation complex log B I T reference
WY LM 5.827 0.15 NaCl 25°C this study
5.85 0.1 KC1 - 26°C ([103]
5.85 0.1 25°  [72]
LH2 6.82 0.1 KCl 26°C [103]
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4.1.4 Phenyl phosphate

Protonation curves indicated "the beginning of the second protonation
step and consequently both protonation constants of phenyl phosphate
could be determined. There remains however some uncertainty about the

reliability of the second protonation constant (log BLH = 7.32 £ 0.02)
2 .
as only few data points were collected in the Tow pH region. It seems

surprising that it should be possible to determine log BLH for phenyl
2

phosphate, but not for any'other of the stronger ligands (stronger in
_the sense that 1log BLH of these ligands and the respective pKROH is
higher) unless one can propose a special mechanism which operates for
phenyl phosphate only.

Reproduqﬁbi]ity of metal complex formation curves was poor for calcium.
This is reflected in the calculated standard deviations obtained in the
refinements. In all three metal-ligand systems only one complex LM could
be detected. Hydroxo complexes did not form as indicated by the fact
that no fanning was observed, and by the early onset of precipitation.
The search for a complex LMH was unsuccessful for all three metal ions.
To insure that the presence of the somewhat uncertain stability coﬁstant
of LH
and without inclusion of the complex. The same models were obtained and

2 did not cause any artefacts, refinements were carried out with

formation constants agreed within the calculated standard deviations.
The final results are displayed in table 4.4. Table 4.5 contains a
comparison with literature values.
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Jable 4.4: Equilibrium constants of phenyl phosphate
at T=25°C and I=0.15 mol1/1 (NaCl)

cation cplx log B std. ng n R pH initial K
dev. P R]. concentration
im
H+ LH 5.827 0.002 9 394 0.0118 2.2-10.0 L:0.002-0.006 A,B
0.0062
Cu2+ ML 2.611 0.005 11 414 0.0104 2.8-5.4 L:0.002-0.005 B
0.0022 M:0.001-0.008
Zn2+ ML 2.146 0.004 9 191 0.0142 2.3-6.2 L:0.003-0.006 B
' 0.0066 M:0.002-0.009
Caz+ ML 1.442 0.025 9 161 0.0327 3.0-6.0 L:0.003-0.008 B

0.0069 M:0.002-0.007

Table 4.5: Equilibrium constants of phenyl phosphate
Comparison with Titerature values

cation complex log B I T reference
Ht LH 5.827 0.15 NaCl 25°C this study
5.88 0.1 KC1 26°C [103]
5.70 1 KC1 25°C [11]
5.823 0.11 25°C [105]
5.719 0.26 25°C [105]
5.786 0.15 25°C extrapolated from the 8
‘values reported in [105]
LH2 7.315 0.15 NaCl 25°C this study

6.88 0.1 KC1 26°C [103]
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4.1.5 a-D-Glucose-1’-phosphate

No experimental problems were experienced during the potentiometric
study of this 1ligand. Reproducibility of the titrations was always
excellent. ,

As with the other phosphate esters only the first protonation constant
could be determined. The complexes LM and LMH_, were found for the
complexation of a-D-glucose-1’-phosphate with zinc and copper. In addi-
tion, CulH_, forms just before the onset of précipitation. With calcium
some problems occurred during the modelling. Although the experimental
- formation curves show a strong systematic fanning pattern no reasonable
model could be found that reproduces the fanning. These data points were
eventually discarded in order to obtain a more reliable formation con-
stant for the complex LM which would otherwise have been overestimated.
Maybe the fanning was caused by the formation of invisible precipitates,
or, more likely, by small experimental errors in the analytical con-
centrations of ligand, metal ion and hydrogen ion. Formation curves are
particularly sensitive to small errors of the hydrogen ion concentra-
tions at high pH [149,150]. ,
A complex CalH could be refined if the high pH data were kept, but not
on low pH data only. This complex is therefore regarded as a "computer
complex". Thus only one formation constant for the (presumably) only
calcium complex LM was successfully determined.

Table 4.6 summarizes the results obtained here. A comparison with
literature data 1is shown in table 4.7. The stability constants for the
protonation and the ZnL complex are in good agreement but a considerably
higher constant has been reported for the calcium complex (see table
4.7). It cannot be decided here whether the different ionic strength
could have such a large effect on the value of the stability constant.
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Table 4.6: Equilibrium constants of a-D-glucose-1’-phosphate

at T=25°C and I=0.15 mol/1 (NaCl)
cation cpix log B std. ng n R pH initial K
dev. P R]. concentration
im
H LH 5.9767 0.0003 5 245 0.0012 2.5-8.6 L:0.002-0.005 A,B
| 0.0095
Cu2+ ML 2.736  0.003 11 726 0.0110 2.5-6.5 L:0.002-0.006 B
MLH_l -4.080 0.018 0.0036 M:0.001-0.008
MLH_2 -11.028 0.049
Zn2+ ML 2.118 0.003 9 521 0.0028 2.5-7.5 L:0.002-0.007 B
MLH_l -5.818 0.009 0.0026 M:0.002-0.009
Ca2+ ML 1.773 0.007 10 429 0.0030 2.4-8.0 L:0.002-0.007 B
0.0046 M:0.002-0.008

Table 4.7: Equilibrium constants of a-D-glucose-1’-phosphate
Comparison with literature values ‘

cation complex log B

reference

H* LH .977
.04
.51
.13

.11

—_— O O O On

LH

Zn2+

LM 2.181
2.34
2.37

2+

Ca LM 1.773

2.495

I T
0.15 NaCl 25°C
0.145 NaCl 30°C
-0 30°C
1>0.3 30°C
1>6.3 30°C
0.15 NaCl 25°C
0.1 KNO3 25°C
0.1 KNO3 25°C
0.15 NaCl 25°C
-0 25°C

this study
[106]
[107]
[108]
[108]

this study
[109]
[109]

this study
[110]
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4.1.6. Glycerol-2-phosphate

As with most of the other phosphate esters only one protonation constant
could be determined in the pH region 2-11.

For copper and zinc the metal complex formation curves showed a fanning
pattern and indeed, stability constants for the hydroxo complex MLH_l in
addition to ML could be obtained. Furthermore it is possible to refine a
formation constant for a second copper hydroxo complex, CuLH_z. A
speciation plot shows that this complex only appears at the very end of
the titrations at pH>6.3. Although the R values and objective functions
of the two models, LM + LMH_; and LM + LMH_; + LMH_, are not sig-
nificantly different and any statistical criterion 1like e.g. the
Hamilton test [96] will always eliminate the second model, I neverthe-
less believe that the complex LMH_, must not be discarded. The fact that
the two models are not significantly different from the statistical
point of view only reflects that there are few data points in the pH
region where the additional complex occurs. The number of points repre-
sents a kind of weighting and consequently complexes which only just
occur on either side of the pH range studied will be eliminated.
Surprisingly no complexation of glycerol-2-phosphate with calcium could
be detected. Experiments both with hydroxide or metal jon in the burette
were performed. Both methods yielded formation curves with Z=0 at high
pA. Below pA=3.0 a very steep, non-systematic increase in Z occurs. This
increase cannot be ascribed to the formation of a very fine precipitate
because no precipitates could be detected in the titration vessel or
after the solutions had been kept for 48 hours. The sudden rise is
probably a manifestation of small experimental error. I nevertheless
attempted to process the data with the program OBJE and surprisingly, it
is possible to calculate a formation constant for the complex ML
(log BML= 1.52810.008) but the experimental Z values differ by up to 0.3
units from the theoretical values. Being able to calculate a constant at
all seems to be a statistical artefact and one cannot have any con-
fidence in the calculated formation constant. The conclusion is that no
detectable complexation occurs between calcium and glycerol-2-phosphate.
The experimental results are listed in table 4.8. A protonation constant
of log BLH= 6.673 (T=25°C, I=0.11 NaCl [111]) has been reported and does
not agree with the value obtained here. The value obtained here seems
more reliable (see section 5.1.1)
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Table 4.8: Equilibrium constants of glycerol-2-phosphate

at T=25°C and I=0.15 mol/1 (NaCl)
cation cplx log B  std. ng n R pH initial K
dev. P R]im concentration

H* LK 6.1054 0.0005 7 366 0.0010 2.0-11.0 L:0.002-0.007 A,B

0.0034
Cu2+ ML 2.808 0.008 8 357 0.0150 2.4-6.5 L1:0.002-0.006 B
MLH_1 -3.728 0.037 0.0029 M:0.002-0.007
MLH_2 -10.312 0.070
Zn2+ ML 2.137 0.007 9 737 0.0058 2.2-7.3 L:0.003-0.005 B

MLR -5.628 0.019 0.0019 M:0.002-0.006

-1

Ca no complexation
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4.1.7. Methyl phosphate

The experimental work to determine protonation constants and stability
constants for zinc and calcium complexes did not pose any major
problems. The determination of stability constants for the copper-methyl
phosphate system, however, turned out to be quite difficult due to the
formation of precipitates. The initial ligand concentration had to be
kept below 0.002 mol/1 and titrations had to be carried out by adding
copper ions from a buretté to ligand solutions at pH<6 to obtain non
zero formation curves. Once reliable data had been collected a suitable
~model was easily established. The exceptionally high R-value reflects
the experimental difficulty rather than indicating a missing species.
Like for the complexation of coppér and zinc ions with methyl phosphate,
the experimental formation curves for the calcium-methyl phosphate
system show a strong systematic fanning pattern and suggest the forma-
tion of hydroxo species. Although a formation constant for CaLH_1 could
be obtained in addition to Cal it should be regarded as a good estimate
rather than a reliable value as it fails to reproduce the experimental
fanning of the formation curves. The value obtained for CalL is
unaffected by the absence or presence of CalLH -1 in the refinements and
does not change significantly if the high pH data (fanning) are deleted.

‘It is therefore considered reliable.

Table 4.9 lists the protonation and metal complex formation constants of
methyl phosphate. In table 4.10 they are compared to values available in
the literature. Good agreement is generally found.
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Table 4.9: Equilibrium constants of methyl phosphate
at T=25°C and I1=0.15 mol1/1 (NaCl)

cation cplx log B  std. ng n R pH initial

K
p .
dev. R]im concentration
T LH - 6.251 0.001 5 261 0.0182 2.5-9.5 L:0.002-0.007 A,B
0.0094
Cu2+ ML 2.819 0.007 6 391 0.0593 4.0-6.0 L:0.001-0.002 M
MLH_l -3.427 0.020 0.0239 pH<6
Zn2+  ML 2.175 0.008 8 189 0.0240 2.7-7.3 L:0.003-0.007 B
'MLH_l -5.124 0.013 0.0311 M:0.002-0.007
Ca2+ ML 1.394 0.009 7 435 0.0369 3.0-8.0 L:0.003-0.006 B,M
MLH_l -7.093 0.016 0.0146 M:0.003-0.008

Table 4.10: Equilibrium constants of methyl phosphate
Comparison with literature values

cation complex log B I T reference
Ht LH 6.251 0.15 NaCl 25°C  this study
6.58 ' 22.5°C [112]
LH, 1.52 22°C [112]
M 2.175 0.15 NaC1 25°C  this study

2.16 0.1 Cl 20°C [113]

2+

Ca LM 1.394 0.15 NaCl 25°C this study

1.43 0.1 C} 20°C  [113]
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4.1.8 Hydrogen phosphate

In the pH region 2 to 9 two protonation constants were determined. The
third proton is released at pH>9 and is treated as a hydroxo complex due
to our definition of the ligand. As only few data points were collected
in the pH region 9-11 these data were initially excluded when the two
protonation constants in the acidic region were refined. They were then
fixed and a value for the stability constant of the hydroxo complex
obtained by using the comp]éte set of data. The protonation constants
obtained here are shown in table 4.11. They are in very good agreement
~with literature values as seen in figure 4.3. Figure 4.3 also il-
Tustrates the need for ionic strength corrections.

7.5 T T * T T T T T T T v T
7rF .
L *_ .
* 4 * -
6.5 — *_ -:
L * * -
*
6 1 | 1 i i i 1 i 1 1 1 1
0 .5 1 1.5 2 2.5 3

ionic strength [mol/I]

Figure 4.3: Protonation constants of hydrogen phosphate at 25°C as
a function of ionic strength. * denotes literature values [35-37],
and @ the value obtained here

The stability constants for the complexation of copper, zinc and calcium
that have been reported in the literature are 1isted in table 4.12. In
order to obtain stability constants for these metal-ligand systems under
the same experimental conditions as used for the other ligands con-
sidered here, a 1ot of effort was put into the determination of
stability constants with copper and zinc. The pH range had to be kept



53

below pH=4.2 for copper. and below pH=4.7 for zinc. At higher pH very
fine precipitates occugéd. The formation curves obtained by using
hydroxide solution in the burette gave Z = 0+0.02 over the whole titra-
tion for different 1ligand to metal ratios and for different
concentrations (partly similar to those used in [114,115]). Therefore it
was attempted to titrate with metal solution instead of hydroxide solu-
tion, but again Z was found never to rise above zero. '
After these discouraging experiments theoretical formation curves for
the experimental conditions used here and in [114,115] (assuming the
same precipitation 1limits as found here) were calculated using the
literature formation constants. Z was indeed found to vary between 0 and
0.02 and speciation plots showed that LM only just occurs before the
onset of precipitation. It therefore seems impossible to obtain a reli-
able value for the complex of interest, LM and it was decided not to try
~and optimize experimental conditions. It may be necessary to study the
complexation not only by potentiometric titration but to investigate a
liquid-solid system including all the insoluble complexes
(precipitates). Another option might be the use of a competing 1igand
which could reduce the free metal concentration and prevent
precipitation. Both alternatives are very labour-intensive and will not
necessarily be successful.

Table 4.11: Protonation constants of hydrogen phosphate
at T=25°C and I=0.15 mol/1 (NaCl)

cation cplx log B  std. ng N R pH initial K
dev. P R]. concentration
im
Ht LH2 8.708 0.006 4 345 0.0065 1.5-11.0 L:0.002-0.005 A,B
LH 6.704 0.003 0.0051
LH -11.553 0.011

-1
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Table 4.12: Equilibrium constants of hydrogen phosphate

literature values

cation compiex log B 1 T reference
CJ2+ LMZH 13.4 0.15 KNO3 37°C [114]
LMH 8.0 0.15 KNO, 37°C [114]
LZHZ' 9.2 0.15 KNO3 37°C [114]
LM 3.3 0.15 KNO3 37°C [114]
3.2 0.1 NaC]O4 25°C [115]
Zn2+ LMZH 11.9 0.15 KNO3 37°C [114]
LMH 7.9 0.15 KNO, 37°C [114]
LZMZ 8.4 0.15 KNO, 37°C [114]
LM 2.4 0.15 KNO3 37°C [114]
2.4 0.1 NaC]O4 25°C [115]
Ca2+ LMZH 10.4 0.15 KNO3 37°C [114]
LMH 7.3 0.15 KNO3 37°C [114]
LZMZ 6.3 0.15 KNO3 37°C [114]
LM 1.3 0.15 KNO3 37°C [114]
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4.1.9 8-Quinoly] phosphate

The determination of formation constants of 8-quinolyl phosphate with
protons and divalent copper, zinc, nickel, cobalt and manganese ions was
straightforward and no problems were experienced. The formation curves
with copper, zinc and nickel ions show backfanning pattern and the
hydroxo complex LMH_1 was found in addition to LM. No backfanning was
observed with cobalt ions and with manganese ions. The stability con-
stants are summarized in table 4.13. Unlike all other monophosphoric
acid esters studied, this ligand has two potential binding sites, the
“quinolyl nitrogen and one of the non-ester oxygens. In order to assign
the two protonation constants to the two binding sites a nmr titration
was performed. The plot of the chemical shift of the phosphorus atom
against the pH of the solution is shown in figure 4.4.

1 ’ Y v i ! ! v H !
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Figure 4.4: Plot of the 31P-nmr chemical shift of the phosphorus atom
of 8-quinolyl phosphate as a function of pH

The greatest rate of change of chemical shift occurs at a pH of about
4.2. This implies that the potentiometrically measured pK value of
pK=4.13 corresponds to the phosphate group. This assignment is in direct
contrast with the result of a comparison of the pK values of 8-quino1y1
phosphate with those of the related ligands, 1-naphthyl phosphate and
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8-quinolyl methyl phosphate (see sections 4.1.3 and 4.1.10,
respectively). The pK of 4.13 1is much closer to the pK=4.72 of
8-quinolyl methyl phosphate than to the pK=5.74 of 1-naphthyl phosphate.
Although - the pK of the phosphate group of 8-quinolyl phosphate is very
likely to be lowered in comparison to the pK of 1-naphthyl phosphate due
to the strong electron-withdrawing character of the quinolyl moiety, it
seems unlikely that the lowering should be as large as 1.61. It is more
likely to assume that the first proton to be bound is shared beween the
two binding sites, and that this 1is probably accompanied by some
hydrogen bonding. Any interference due to intramolecular stacking was
“ruled out. At pH=6.2, where stacking interactions are likely to be
favoured, the chemical shift of the phosphorus peak of 8-quinolyl phos-
phate was found to be independent of concentration within the range
0.016-0.002 mol/1. Concentrations used in the potentiometric titrations
and nmr titrations fall within these limits. v

A comparison of the stability constants of 8-quinolyl phosphate with
those of the two related ligands, 1-naphthyl phosphate (section 4.1.3)
and 8-quinolyl methyl phosphate (section 4.1.10) shows that the com-
plexes formed between 8-quinolyl phosphate and copper, zinc and nickel
ions are considerably stronger. This indicates thﬁl these metal ions are
complexed by the quinolyl nitrogen and one of the phosphate oxygens at
the same time, i.e. chelates are formed between 8-quinolyl phosphate and
copper, zinc and nickel ions.

In table 4.14 the stability constants obtained here are compared with
literature values. Good agreement 1is found. The existence of a
protonated copper complex CulH reported in [22] could not be confirmed.
It was in fact possible to refine a stability constant for this complex,
but speciation plots showed that it occqud in negligible concentra-
tions, so that this complex was removed from the model.
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Jable 4.13: Equilibrium constants of 8-quinolyl phosphate
at 25°C and 1=0.15 mol/1 (NaCl)

cation cplx log B  std. Ny N R pH initial K
dev. P R]. concentration
im
M LH 6.333 0.001 4 265 0.0008 2.0-9.0 L:0.002-0.005 A,B
LH2 10.462 0.002 0.0019
Cu2+ LM 5.114 0.005 10 318 0.0103 2.2-6.0 L:0.002-0.005 B
LMH_l -0.910 0.012 0.0021 M:0.002-0.003
Zn2+ LMH 9.695 0.014 7 263 0.0215 2.2-6.5 L:0.003-0.006 B
LM 4.870 0.012 0.0025 M:0.002-0.005
LMH_l -1.697 0.036
Ni2+ LM 2.345 0.010 6 269 0.0204 3.0-7.5 L:0.003-0.004 B
LMH_l -5.469 0.027 0.0038 :0.002-0.006
Co2+ LM 1.781 0.024 6 294 0.0111 2.3-7.0 L:0.003-0.004 B
0.0022 M:0.002-0.007
Mn2+ LM 1.909 0.015 7 245 0.0133 3.5-8.0 L:0.003-0.004 B
0.0033 M:0.002-0.007
Jable 4.14: Equilibrium constants of 8-quinolyl phosphate

Comparison with literature values

3

cation complex log B I T reference
H* LH 6.333 0.15 NaCl 25°C this study
6.42 0.1 KNO, 25°C [22]
LH2 10.462 0.15 NaCl 25°C this study
10.59 0.1 KNO;  25°C [22]
LHy 11.59 0.1 KNO3  25°C [22]
AT 5.114 0.15 NaCl 25°C this study
5.29 0.1 KNO;  25°C [22]
LMH 8.85 0.1 KNO 25°C [22]
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4.1.]0 8-Quinolyl methyl phosphate

8-Quinolyl methyl phosphate differs from the other monophosphoric acid
esters studied. It is a diester and thus cannot bind through the phos-
phate oxygen, because again the pK of the first oxygen is so low that it
will always be deprotonated within the pH range accessible to glass
electrodes. The only relevant binding site is thus the quinolyl
nitrogen.

During the experimental work it turned out to be favourable to determine
the formation constants of the complexes of 8-quinolyl methyl phosphate
with zinc, nickel and cobalt ions by titrations where metal ion solution
was added from the burette. The formation constants of 8-quinolyl methyl
phosphate with protons and metal ions are listed in table 4.15. The
protonation and copper complexation constants are very similar to those
of quinoline (log BLH=4.97, log BLM=2.65, T=25°C, 1I1=0.1 mol/1 KNO3
[116]). This similarity shows that the phosphate group has a very small
effect on the quinolyl moiety of 8-quinolyl methyl phosphate.

Table 4.15: Equilibrium constants of 8-quinolyl methyl phosphate
at 25°C and I=0.15 mol/1 (NaCl)

cation cplx log B  std. ng n R pH initial K
dev. P R]. concentration
im
H+ LH 4.275 0.001 6 246 0.0017 2.0-8.0 L:0.002-0.006 A,B
0.0020
Cu2+ LM 2.523 0.004 8 277 0.0048 2.2-6.2 L:0.003-0.006 B
LMH_l -4.062 0.020 0.0020 . M:0.001-0.007
Zn2+ LM 1.187 0.021 6 215 0.0059 2.0-6.5 L:0.004-0.008 B,M
LMH_1 -5.531 0.041 0.0023 M:0.002-0.009
N12+ LM 1.724 0.015 5 174 0.0243 2.6-6.2 L:0.005-0.007 B,M
LMH_l -5.083 0.038 0.0027 M:0.007-0.010
Co2+ LM 1.237 - 0.016 7 187 0.0186 3.2-6.3 L:0.006-0.008 B,M
LMH -5.263 0.026 0.0038 M:0.008-0.010
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4.1.11 Triphosphate

The formation constants of triphosphate complexes with protons, copper,

zinc and calcium ions are summarized in table 4.17. The first three
protonation constants were determined. It is impossible to assign them
to the different phosphate groups. A phosphorus nmr titration curve
" shows a large amount of sharing of the protons between the terminal and
the central phosphate group [117].
The formation curve for the ca]éium-triphosphate system levels out at
Z=1 and LM is indeed the major complex. The metal complex formation
- curves of copper and zinc indicate a step at Z=1 (fig. 4.5), and again
LM is the major complex for these systems at intermediate pH.

.67 t.00 1.33 .67 2.00

0

.33

0

0.00

' ] i } ) 1 1 i T
3.00 4.00 5.00 6.00 7.00 8.00 9.00 106.00 11.00 15-00 15-00

pA

Figure 4.5: Selected experimental (symbols) and theoretical (lines)
formation curves obtained for the complexation of zinc ions with
triphosphate. The ligand concentration was kept fixed at 0.0015 mol/1
and the metal concentrations were 0.0008 mol/1 (+), 0.0015 mol/t1 (0O),
0.0031 mol/1 (&), and 0.0062 mol/1 (X).

It cannot be decided whether the metal is bound to one, two or all three
phosphate groups but there seems to be a general agreement that at least
two phosphate groups participate [118,119]. This is in analogy to the
proton complexation and is further supported by the fact that the metal
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complexation constants of triphosphate are considerably higher than
those of orthophosphate [35-37]. The rise to Z>1 at low pA could be
accounted for by introducing the hydroxo complexes LMH_l into the
models. Ffor all three metal ions studied here, LMH is the dominant
species at low pH. In addition to the complexes already discussed above
two interesting minor complexes occur. The complex LM2 is consistent
with my experimental data for copper and zinc as well as calcium.
Although LCu2 has been suspected to exist Tong ago [119] no stability
constants have so far been reported. In order to establish its existence
some of the titrations were carried out in which the ligand concentra-
~tion was kept fixed, but the metal concentration was varied. The result
is shown in figure 4.5.

At fixed pA, 7 decreases with increasing metal concentration, thus
indicating the presence of species where more than one metal ion is
bound to the 1ligand (The fact that Z of the [L]}:[M]=1:1 titration is
above Z for the 2:1 titration at low pA is due to the hydroxo complex).
I propose the following structure for the complex LM2 (figure 4.6)

0 0 0

" ] " _
-o,r,o,r,o_f—o

0. 0, 0

\M/ \M/
Figure 4.6: Proposed structure of the complex LM2

Knowing that protons are being shared by the central and terminal phos-
phate group it seems Tikely that the same occurs when a metal ion is
bound to the phosphate chain. There is no reason why the second metal
ion should be bound to the ligand in a fashion different from the first
because the ligand is symmetrical. Therefore I expect an arrangement in
which both metals are equivalent, as suggested above.

A complex of the composition LMH2 has been reported for the complexa-
tion of calcium with triphosphate ion [120]. The existence of this
complex could be confirmed. In addition an equivalent complex has been
found for zinc, but not for copper. Because copper has a stronger ten-
dency to coordinate to the ligand than the two other metal ions, it is
capable of displacing a proton from the complex LH2 and coordinating to
two phosphate groups at the same time. Zinc and calcium cannot displace
protons so easily and therefore perhaps bind to only one phosphate group
in this pH region. The complex LMH2 results.
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The fact that several new complexes were found partly explains why some
of the formation constants found here are significantly, i.e. up to 0.5
log units Tlower than the corresponding literature values (table 4.18)
Other possible reasons, e.g. different temperature, ionic strength or
background electrolyte could be ruled out by adjusting the literature
values to the conditions used here, using the van’t Hoff equation
(eq.3.2) to account for temperature changes if AH is known, and an
extended form of the Debye-Hiickel equation (eq.3.9) to account for ionic
strength changes. The two most cdmmon]y used background electrolytes are
chlorides and nitrates. Complexation of chloride and nitrate with cop-
- per, zinc and calcium is very similar under my experimental conditions
(table 4.16) and cannot account for any large differences.

Table 4.16: Formation constants of-complexes of divalent copper, zinc
and calcium ions with chloride and nitrate at T=25°C and
I=0.15 mol/1 (as calculated by LOGK [95] from literature
values [35])

cation chloride nitrate
log BLM log BLM
cul*  -0.03:0.13  0.1240.13
7n?*t  _0.04:0.13  -0.050.13
ca*  0.55:0.29  0.2440.13

As 1 put a lot of effort into eliminating possible errors, I have con-
.fidence in the values obtained here although they do not always agree
favourably with Tliterature values obtained quite a long time ago when
titration and computation techniques were not as sophisticated as they
are now.
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Table 4.17: Equilibrium constants of triphosphate
at T=25°C and 1=0.15 mol/1 (NaCl)
cation cplx log B8 std. ng n R pH initial K
dev. P R]. concentration
im
M LH 8.649 0.003 6 315 0.0069 1.8-11.0 L:0.001-0.005 A,B
LH2 14.437 0.005 0.0180
LH; 16.219 0.019
Cu2+ LMH 14.008 0.010 8 294 0.0081 2.2-9.0 L:0.001-0.003 B
LM 8.624 0.017 0.0057 M:0.001-0.004
LM, 12.322 0.036
LMH , -0.391 0.041
Zn?t LM 16.691 0.079 9 245 0.0077 2.0-9.0 L:0.001-0.003 B
LMH 13.575 0.030 0.0027 M:0.001-0.009
LM 8.114 0.033 '
LM2 11.394 0.038
LMH , -1.597 0.174
Ca2+ LMH 16.392 0.040 9 393 0.0031 1.9-9.5 L:0.001-0.005 B
LMH 12.291 0.010 0.0035 M:0.001-0.006
LM 5.755 0.010
LM 8.344 0.026
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JTable 4.18: Equilibrium constants of triphosphate
Comparison with literature values

cation com- 1 T reaction log B or refe- T-25°C 1-0.15mo1/1 [+0.15mo01/1
plex [mo1/1] [-c) log K rence T-25°C
HY LM 0.15 TMACI 25 (log B=8.65 + 8.65
0.1 TMAC1 25 log B=8.73 [104)
1.0 HAC) 25 .. llog B=8.8] [104 JB-6120.58.81
L0 TMACT 25 log B=8.90 [104]
0 25 log B=9.52 f121] 8.65* 8.65*
0.1 THA(NO,) 20 log B=8.82 [118] 8.82 8.74* 8.74*
W LW, 0.15TWACI 25  Le2elK, log B=14.44 +
(log K=5.79 + 5.79
0.1 TMAC1 25 log K=6.00 [104]
1.0 TMAC] 25  LHeHeLH, {log K=5.83 [104] 5.87:0.5 5.8
~0  TMACT 25 log K=6.26 [104]
0.1 THA(NO,) 20 [log K=5.93 [118] 5.86*
H LKy 0.15 TMACY 25  Ls3teLH, log B=16.22 +
: (log K=1.78 + 1.78
0.1 TMAC! 25 log K=2.15 [104]
1,0 THAC] 25  LH,+HeLH, {log K=2.11 [104] 2.03:0.5 2.03
~0 TMAC1 25 log K=2.30 [104]
0.1 TMA(ND,) 20 log K=2.2 [118] 2.13*
cul* LM 0.15 TMACT 25 Loty {100 B=8.62 + 8.62
0.1 THA(NO,) 20 =L {1og B=9.3 [118] 9.44 9.27* 9.27*
cul* LMH  0.15 TMAC1 25 L+M+H=LMH log B=14.01 +
o log K=5.36 + 5.36
0.1 THA(NO,) 20  LFMELMM {1og K=6.1 [118] 5.94*
f* LM, 0.15THAC] 25 Ls2Melh, log B=12.32 + 12.32
cu?t LMH_ 0.15 THAC] 25 L+M-HeLMH_ Tog B=-0.39 + -0.39
n®* LW 0.15 TMAC1 25 " (log B=8.11 + "8.11
0.1 TMA(NO,) 20 L+¥=LM {log B=8.35 [118] 8.53 8.36 8.36*
<0 25 log B=9.720.5 [121] 7.89* 7.89*
Zn?* LMH  0.15 TMACI 25 L+MsH=LMH log B=13.57 +
log K=4.93 + 4.93
0.1 THA(NOy) 20  LFFHELMA {1og K=5.13 [118) 4.97*
zo?* LM, 0.15 THAC] 25 Le2MeLM, log B=11.39 + 11.39
zn?* LMK 0.15 THACI 25 (fog B=-1.5966  + -1.5966
0 25 L+M-HeLMH_, {1og B=-1.0 [21) -3.7[5d4] -3.7
| -3.01* -3.01*
Zo?* LMH, 0.15 THAC] 25 L+ZHeMcLH M Tog B=16.69 + 16.69
ca?* LM 0.15 TMACT 25 (Yog B=5.75 + 5.75
0.10 TMABr 25 log B=6.41:0.04 [120)
1.0 TMABr 25 L+M=LM {log B=5.36£0.02 [120] 6.2310.07 6.23
0.10 TMA(NO,) 20 log B=6.31 [118) 6.41 6.24* 6.24*
‘ <0 25 log 8-8.1:0.3 [121] §.29* 6.29*
Cal* LMH  0.15 TMAC1 25 L+M+HeLMH log B=12.29 +
(log K=3.64 + 3.64
0.10 THABr 25 log K=3.78£0.06 [120]
1.0 TMABr 25  LMMeLMH 14 0 K=3.30:0.16 [120] 3.63:0.08 3.83
0.1 TMA(NO,) 20 [ 1og K=4.02 [118] 3.86*
cat LMH, 0.15 TMACT 25 L+Me2H=LHH, log B=16.39 +
L syt {100 K=1.95 + 1.95
1.0 ™MABr 25 LMo 2 {log K=2.77:0.4 [120] 3.30% 3.39*
Co?* LM, 0.15 THAC] 25  Ls2NelM, log B=8.34 +
_ log K=2.59 + 2.59
25 MHLEML 10g k=300 [122]

+
*

: denotes results obtained in this thesis
: ¢ has been set to c=0 (eq.3.9)
TMA: Tetramethylammonium
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4.1.12 Fluorotriphosphate

In the pH region 1.5 to 12,two protonation constants could be determined
which correspond to the first and second proton being bound to the fully
deprotonated 1ligand FP3094'. In order to identify the binding sites a
phosphorus-nmr titration of the 1ligand was carried out. The chemical
shifts § measured for the different phosphate groups were plotted
against pH (figure 4.7)
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Figure 4.7: Plot of the 31P—nmr chemical shift § of the different
phosphate groups of fluorotriphosphate against pH

From the plot it 1is clear that the first proton is bound to the -
phosphate group because the rate of change of 61 has a maximum at
pH=6.0. The pK=6.648 is thus assigned to the y-phosphate group. The 8-
phosphate group is affected to a small extent only indicating a small
amount of sharing of the proton between the y and the B phosphate group.
The second proton is probably attached to the B8 phosphate group as Sﬂ
seems to drop slightly at low pH. The a-phosphate group is unaffected by
any pH change. This confirms that the strongly electronegative fluorine
atom is electron-pulling and decreases the nucleophilic character of the
adjacent e-phosphate group. The a-phosphate group is thus a very acidic
site and does not participate in proton binding in the pH range studied.
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No problems arose during the potentiometric work to determine metal
complexation constants. The formation curves obtained for copper and
zinc are of similar shape. In both cases, Z shows a step near Z=1
(figure 4.8) and LM is indeed the major complex for these systems.

0.87 .00 1.39 1.87 2.00

0.93

0.00

- T 1 i
3'00 360 4.00 4.50 6.00 6.60 .00 6.60 7.00 7-50 8-00
pA

Fiqure 4.8: Experimental (symbols) and theoretical (1ine) formation
curves obtained for the complexation between copper ions and fluorotri-
phosphate. The concentrations are:

[L]=0.00117 mol/1, [M]=0.00349 mol/1
[L]=0.00159 mol1/1, [M]=0.00158 mol/1
.00138 mol/1, [M]=0.00134 mol/1
.00138 mol/1, [M]=0.00402 mol/1
.00138 mol/1, [M]=0.00669 mol/1
.00138 mol1/1, [M]=0.00402 mol/1
.00178 mol/1, metal titration
.00170 mol/1, metal titration
.00159 mol/1, metal titration
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The rise to Z>»1 and the weak fanning pattern were accounted for by
introducing the hydroxo species LMH_l for copper and LMZH-I for zinc
into the models. The zinc complex LMZH_1 may initially seem somewhat
unlikely. In a solution containing zinc and hydroxide, however, the
complex anH_1 is inter alia formed at pH=8 [86], the pH at which LMZH_1
also occurs. It is therefore not unlikely that a 1igand can be attached
to a Zn,H_, molecule. A species LMH is found for the interaction of the
ligand with copper and accounts for the "fanning" of the formation
curves at high pA. No such fanning was observed for zinc complexation
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and no stability constant for a protonated zinc complex could be
refined.

In contrast to the complexation of copper and zinc no step and no dis-
tinct fanning pattern is observed in the formation curves obtained for
the calcium-fluorotriphosphate system. Also no precipitates occurred.
After a lot of computing the final model consisting of the complexes LM,
L2M and LZMH_1 was established. It is very surprising that a complex LZM
is found for calcium and not for the stronger zinc and copper systems.
Maybe the bigger calcium ion 1is bound to the y-phosphate group only
whereas the copper or zinc ion is bound to v and B phosphate groups at
the same time. A densely packed complex is formed which makes it impos-
sible for a second ligand molecule to coordinate to this cluster.

The potentiometric results are summarized in table 4.19. The high stan-
dard deviations of the hydroxo complexes reflect the fact that only few
data points could be collected in the corresponding pH region due to the
formation of precipitates.

A rough estimate of the first protonation constant, log BLH=6.20 has
been reported in the Tliterature [123] and is in reasonable agreement
with the more precise value obtained here.

Table 4.19: Equilibrium constants of fluorotriphoﬁphate
at T=25°C and I1=0.15 mol/1 (NaCl)

cation cplx log 8 std. Ny N R pH initial K
dev. P R]. concentration
im
H* LH 6.648 0.006 4 209 0.0010 1.5-9.0 L:0.001-0.004 A,B
LH2 7.874 0.015 0.0025
Cu2+ LMH 9.081 0.036 10 515 0.0044 1.8-7.0 L:0.001-0.003 B,M
LM 5.971 0.014 0.0018 M:0.001-0.007
LMH_l -0.264 0.028
Zn2+ LM 4.635 0.008 9 238 0.0195 2.0-7.5 L:0.001-0.004 B,M
LMZH-I 1.810 0.031 0.0089 M:0.001-0.003
Ca2+ LM 3.734 0.006 7 571 0.0044 2.0-8.0 L:0.001-0.003 B,M
LZM 6.980 0.012 0.0034 M:0.002-0.005
LZMH_1 1.810 0.031
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4.2 Calorimetric results
4,2. e dilution

The heat of dilution 1is the heat that is generated when the titrant
distributes in the titration vessel. The heat of dilution of
hydrochloric acid is rather large and its contribution to the total heat
measured during the protonation of glycerol-2-phosphate and to a-D-
glucose-1’-phosphate amounts to almost 50%. The contribution of the
heat of dilution of copper chloride to the total heat measured during
copper complexation amounted to about 5% except in the case of methyl
phosphate, where it was about 10%. Both the dilution of hydrochloric
acid and of copper chloride is exothermic.

4.2.2 Protonation enthalpies

A typical titration curve is shown in figure 4.9.
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Figqure 4.9: Titration curve for the titration of a solution of
p-nitrophenyl phosphate with hydrochloric acid

In the initial part of the titration, the temperature change caused by
the reaction 1is unavoidably overcompensated by the regulating system
before a stable response is obtained. Unfortunately the time needed to
reach the new equilibrium was rather long. Because the reaction heat of
glycerol-2-phosphate and a-D-glucose-1’-phosphate is small, it was
necessary to add the acid at the fastest possible speed (1ml/100sec) in
order to obtain a significant change in the number of heat pulses. The
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total amount of acid was added before the system reached the new equi-
librium, i.e. the heat compensation never reached stage B. In order to
calculate the protonation enthalpy AHLH from these data the response of
the regulating system was compared to the initial response obtained in
the calibration experiments, 1i.e. the two overshoots were compared to
each other. This calculation procedure gives results which differ up to
0.1% from results one obtains from data in region B. This was verified
by applying both calculation methods tb the data obtained for
p-nitrophenyl phosphate. The reproducibi]ity of identical titrations was
found to be 1% for all ligands.

- After about 95% of the glycerol-2-phosphate and a-D-glucose-1’-phosphate
are protonated an additional endothermic reaction sets in, which is not
observed for the other phosphate esters studied here. Data points col-
lected in this region were not used in the calculation of AHLH

The results obtained for the heat of the first protonation of the
ligands are summarized in table 4.20.

TJable 4.20: Protonation enthalpies of phosphoric acid esters

Ligand AHLH stapdard ngmber_of literature ref
deviation titrations value
[kd/mo1] [kd/mol] [kd/mo1]

p-Nitrophenyl phosphate 7.39 0.09 4 7.65 C [124)]
Phenyl phosphate 3.68 0.46 5
1-Naphthyl phosphate 4.50 0.04 4
a-D-Glucose-1’-phosphate 1.52 0.03 3 1.803 T [107]
Glycerol-2-phosphate 0.94 0.05 3 1.209 T [111]
Methyl phosphate 2.82 0.03 3
Hydrogen phosphate -5.10 0.23 3 -2.510 to

-5.021 [100]

C = calorimetric T = by temperature change

Some standard deviations seem rather high. However, a deviation of 0.4
kJ/mol corresponds to a change of the protonation constant of 0.005 if
the temperature is lowered from 25°C to 5°C, as calculated from the
van’t Hoff equation (eq.3.2). Standard deviations of protonation con-
stants are in the order of 0.002. It is therefore doubtful whether a
more accurate value could have been obtained by measuring protonation
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constants at different temperatures and by then calculating AHLH accord-
~ing to eq.3.2. In addition, our titration setup used for the
potentiometric titrations (see section 3.3.1) is not suitable for tem-
peratures far from room temperature.

4.2.3 Copper complexation enthalpies

In all cases the reaction was over 90% complete while the heat compensa-
tion was still not at equilibrium. There is no way to avoid this problem
- because at high pH precipitation occurs if the concentrations are
" raised. At low pH the amount of complex formed is so small that the
reaction heat is too small to be reliably measured even if copper solu-
tion is added at a very fast rate. In contrast to the titrations to
determine the heat of protonation, the heat generated during the addi-
tion of copper solution is not constant, but drops. This is illustrated
in figure 4.10a for a titration of 25m1 0.0056 mol/1 1-naphthyl phos-
phate solution at an initial pH of 5.6. In figure 4.10b, the percentage
of ligand bound in the two complexes LM and LMH_1 is plotted against the
metal to ligand ratio.
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Figure 4.10a: Titration curve of the titration of 0.0056 mol/1
1-naphthyl phosphate solution with 0.012 mo1/1 copper(II) solution
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Figure 4.10b: Percentage of 1igand bound in the two complexes LM and
LMH_1 formed between copper ions and 1-naphthyl phosphate, plotted as

a function of the metal to ligand ratio

‘In the initial stage of the titration the increase in the amount of
complexes formed is high and a lTot of heat is generated. As more copper.
solution is added the increase becomes increasingly smaller and less
heat 1is generated. (The amount of hydroxo complex present drops because
the pH of the solution drops upon complex formation). A situation where
the amount of heat generated decreases as the reaction proceeds cannot
be simulated by a calibration experiment. I nevertheless assume that one
can still compare the overshoot of the calibration experiment with that
of the actual titration. A big problem is the decision up to which point
data points should be included into the calculation. Obviously (see
fig.4.10b) all data must not be included because towards the end of the
titration hardly any more complexes form. Consequently the heat effect
is very tiny or zero. The heat compensation by the regulating system
cannot keep up with the rapid changes and at the end of the titration,
the heat is undercompensated due to the overshoot (fig. 10a). Data
points in this region cannot be compared with the calibration
experiment. Therefore I decided to use all data up to a ligand to metal
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ratio of 1:1. In all titrations this ratio was reached just after the
overshoot had reached its maximal value. (The choice of the ligand to
metal ratio of 1:1 can be motivated as follows. If for any particular
titration one evaluates AHLM by taking the calorimetric data from the
beginning of the titration up to different ligand to metal ratios above
1:1 one finds that these values differ by 5% from each other. They tend
to increase slightly until the maximum heating rate is reached and then
drop again. The 5% variation of the values is within the experimental
error and therefore the 1ligand to metal ratio of 1:1 seems to be a
reasonable 1imit. For Tlower 1ligand to metal ratios AHLM values drop
significantly and even change sign.)

£Eq.3.20 was used to calculate the complexation heats of the different
complexes. The contributions to the measured heats due to the formation
of LH, CuH_, and Cu,H_, were calculated from the measured protonation

heats and 1literature values (AH = -20.92 kJ/mol, AH = -35.56
MH_1 MZH-Z
kd/mol [35]) and subtracted before the minimization. These three com-

plexes together only contribute to up to 2% to the total heat.
Unfortunately it turned out that the AHi were correlated. This means
that the equations are not independent of each other. The sum of squares
of residuals did not rise significantly when only AHLM instead of AHLM

plus AHLMH_I or AHLM plus AHLMH_I plus AHLMH_Z was refined. This indi-
cates that the contributions due to the complexes LMH_, and LMH_, are

negligible and that the AH values calculated for these complexes are
arbitrary numbers, probably because the amount of hydroxo complexes are
at least by a factor of 30 smaller than the amount of the complex LM.
The relative proportion of hydroxo complexes cannot be raised because if

pH is increased, precipitates occur. AHLMH and AHLMH can only be
-1 -2
determined if the high experimental error can be lowered so that the

contributions of the complexes LMH_; and LMH_, eggzd the uncertainty of
the measured heat.

As described above it is ihpossib]e to calculate reliable AH values for
all the ligand-metal complexes present from the calorimetric data that
have been obtained. In view of the fact that the number of moles of
LMH_; and LMH_, are small compared to the number of moles of LM, I
decided to assume that LM is the only species and calculated AHLM for
each experiment by simply dividing the corrected experimental heat by
the number of moles of LM formed during the experiment. The averages of
the results such obtained are listed in table 4.21.
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Table 4.2]1: Copper complex formation enthalpies

AHLM standard number of

Ligand deviation titrations
[kJ/mol1] [kJ/mol]
p-Nitrophenyl phosphate 20.4 0.8 5
Phenyl phosphate 21.6 1.6 4
1-Naphthyl phosphate 19.4 0.9 4
a-D-Glucose-1’-phosphate 21.8 1.3 5
Glycerol-2-phosphate 37.6 3.6 3
Methyl phosphate 29.9 2.3 4

The high standard deviations reflect the uncertainty in the calculation
of the heat by comparing with the calibration experiments as well as the
simplifying assumption that the contributions of LMH_1 and LMH_2 are
zero. In contrast to the protonation enthalpies one could probably
improve the complex formation enthalpies considerably by using a dif-
ferent experimental technique, e.g. by using a non-isothermal

calorimetric approach or by measuring formation constants at various
temperatures.



73
$. DISCUSSION

“The aim of this research is to find a correlation between the strength
of the proton and metal complexes of phosphate esters and the electron-
donating or electron withdrawing potential of the ester group R. The
electron donating potential is characterized by the protonation constant
of the substituent alcohol, KROH' Formation constants B for the com-
plexation of six phosphate esters and phosphoric acid with protons,
copper, zinc and calcium have been determined. From these the free
enthalpy AG can be calculated:

AG = -RT 1n B (5.1)

AG is a measure of the driving force of a reaction. It is the sum of two
contributions:

AG = AH - TAS (5.2)

AH is the heat of reaction. If AH<O0 a reaction is energetica]]y
favoured. AS is the entropy of the system and represents the degrees of
freedom of a system, as determined by‘e.g. the number of entities in
“solution as well as their possible modes of vibration or rotation, and
their orientation towards each other. The protonation and copper complex
formation heats have been determined by calorimetry. From AG and AH, AS
can be calculated for these reactions.

I will now discuss in detail correlations between AG, AH and AS and
pKROH for the protonation and copper complexation of phosphoric acid
esters before finally, some speculations about similar effects in
polyphosphate complexation will be considered.
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The thermodynamic data on which the following discussion is based are

summarized in table 5.1 and 5.2.

Table 5.1: Summary of formation constants

glycerol-2-phosphate
methyl phosphate
hydrogen phosphate

no complexation
1.394
1.3 [115]

cation ligand log BLM log BLMH_I log BLMH_Z
Ht p-nitrophenyl phosphate 4.987
' 1-naphthyl phosphate 5.740
phenyl phosphate 5.827
a-D-glucose-1’-phosphate 5.977
glycerol-2-phosphate 6.105
methyl phosphate 6.251
hydrogen phosphate 6.704
Cu2+ p-nitrophenyl phosphate 2.148 '
' 1-naphthyl phosphate 2.635 -3.840
phenyl phosphate 2.611
a-D-glucose-1’-phosphate 2.736 - -4.080 -11.028
glycerol-2-phosphate 2.808 -3.728 -10.312
methyl phosphate 2.819 -3.427
hydrogen phosphate 3.2 [114]
Zn2+ p-nitrophenyl phosphate 1.758
1-naphthyl phosphate 2.014 -4.730
phenyl phosphate 2.146
@-D-glucose-1’-phosphate 2.118 -5.818
glycerol-2-phosphate 2.137 -5.628
methyl phosphate 2.175 -5.124
hydrogen phosphate 2.4 [114]
Ca2+ p-nitrophenyl phosphate not studied
1-naphthyl phosphate 1.223
phenyl phosphate 1.442
a-D-glucose-1’-phosphate 1.712
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Jable 5.2: Calorimetric data '
cation Tigand AG MM TAS

[kd/mo1]  [kJI/mol] [kJ/mol1]

H* p-nitrophenyl phosphate -28.47 7.39 ~ 35.86
1-naphthyl phosphate -32.77 4.50 37.27
phenyl phosphate -33.27 3.68 36.95
a-D-glucose-1’-phosphate -34.12 1.52 35.64
glycerol-2-phosphate -34.85 0.94 35.79
methyl phosphate -35.69 2.82 38.51
_hydrogen phosphate -38.27 -5.10 33.17

Cu2+ p-nitrophenyl phosphate -12.3 20.4 32.7
1-naphthyl phosphate -15.0 19.4 34.4
phenyl phosphate -14.9 21.6 36.5
a-D-glucose-1’-phosphate -15.6 21.8 37.4
glycerol-2-phosphate _ -16.0 37.6 53.6
methyl phosphate -16.1 29.9 46.0

5.1.1 The relationship between the nucleophilicity of the ester agroup
and the protonation constants of phosphate esters

Figure 5.1 shows a plot of pKLH versus pKROH' The highef pKROH’ i.e. the
- more electrondonating the substituent, the higher is the pKLH of the
phosphate ester, as predicted. The correlation is not linear.
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Figure 5.1: Plot of the pKs of monophosphoric acid esters against the
pKROH of the ester alcohol. The ligands are: 1=p-nitrophenyl phosphate,

2=1-naphthyl phosphate, 3=phenyl phosphate, 4=a-D-glucose-1’-phosphate,
5=glycerol-2-phosphate, 6=methyl phosphate, 7=hydrogen phosphate.
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As pKROH increases, the increase of pKLH becomes smaller and sma]]er and
seems to converge towards a limiting pKLH This is caused by-%hree
effects. Firstly there is the non-linear charge transfer from the sub-
stituent . through the phosphate group to the binding site. Both the P=0
and all P-0 bonds are influenced by the substituent and only a fraction
of the total effect is seen by the binding site. This is also the reason
why the range of pKLH values is decreased considerably in comparison to

the range of pKROH values. Seeeﬂd4y7—pK[H—¥e$Jee%s—%he—s%Feﬁg%h—ef—%he

%hi#d reason is that the negatively charged phosphate group cannot be
infinitely polarized by an electrondonating substituent and eventually,
saturation will be reached.

If it had been possible to plot pKLH against e.g. a¢ (see section 2.1) 1
would probably have obtained a straight line because the substituent
constants already account for many non-linear effects. Unfortunately, no
complete set of substituent constants for the compounds investigated
here is available, as discussed in section 2.1.

The pKLH of hydrogen phosphate does not fall on the line defined by the
phosphate esters (figure 5.1). There are two reasons for that. Firstly,
it is not clear whether water can be regarded as the corresponding -
substituent alcohol. The pKROH of all other alcohols refers to a C-0-H
bond whereas water has a H-0-H bond. Secondly, if I assume that I can
.indeed use water as reference, it is still an open question whether one
can compare the covalent -C-0-P bond with the more ionic H-0O-P bond.
There 1is certainly some sharing of the proton by the three phosphate
oxygens. The difference between the phosphate esters and hydrogen phos-
phate is also obvious from the protonation heats. The protonation of the
phosphate esters 1is endothermic whereas the protonation of hydrogen
phosphate is exothermic (table 5.2).
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5.1.2 The correlation between protonation constants and complex

rmat i onstants with copper, zinc and calcium ion

Figure 5.2 shows plots of 1log BLM for copper, zinc and calcium ions
against pKLH' For copper and zinc ions a linear relation is followed.
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Fiqure 5.2: Plot of 1ogBLM against pKLH for copper (@), zinc (@),
and calcium (a) ions. The Tigands are: l=p-nitrophenyl phosphate,
2=1-naphthyl phosphate, 3=phenyl phosphate, 4=a-D-glucose-1’-phosphate,
5=glycerol-2-phosphate, 6=methyl phosphate, 7=hydrogen phosphate.

In contrast to the plot of pKLH against pKROH’ the electronic transmis-
sion and saturation effects caused by the substituent are the same for
both complexes LH and LM, and both proton and metal binding occur at the
same binding site. Therefore the plot was expected to be linear. The
range of Tlog BLM values of copper is, however, much smaller than the
range of pKLH values, and the range of log BLM values for the complexa-
tion of zinc is even smaller than that of copper.

The formation constant of the complex between 1-naphthyl phosphate and
copper ions deviates from the linear relationship. Although the protona-
tion  constant of 1-naphthyl phosphate is smaller than that of phenyl
phosphate, its copper complex formation constant is slightly larger. It
cannot be decided whether this is due to some chemical reason. It may
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Just be a manifestation of experimental error because the two formation
constants are expected to be very similar. :

It is interesting to note that log BLH for the complexation of hydrogen
phosphate with copper and zinc ions does fall on the line defined by the
esters although this ligand is not part of the ester series.

The data points for the complexation of copper and zinc ions (excluding
hydrogen phosphate) have been fitted to a linear equation

Tog By = a pK, + b ’ (5.3)

-where a and b are constants. a can be interpreted as a measure of the
relative strength of the metal complex with respect to the protonated
complex. It depends on the particular properties of the ligands as well
as the metal ion considered. b can be regarded as a kind of barrier
which has to be overcome before any complexation between the ligand and
the metal can take place. b depends on the spacial structure of metal
ion and ligand, i.e. on how well they fit to each other.

A determination of a and b by linear regression yields the following
results:

“cation a b correlation
coefficient
cult 0.55  -0.60 0.99
2+
In 0.34 +0.09 0.96

The smaller range of coordination strength of the metal ions as compared
to the protonation is reflected in the fact that a is less than 1, and a
is smaller for complexation with zinc than for complexation with copper.
A relationship of the form of eq.5.3 has also been derived from
theoretical considerations [125]. a has been correlated with e.g. the
ionization potential of the metal, the ionic radius, charge to size
ratio or electronegativity [57,60,62]. Other researchers [58,61] found a
correlation of a with the extent of a-bonding in the complexes.

Although there are numerous possibilities to try and correlate a with
any of the above mentioned properties, this cannot be done here because
I obtained linear relationships for two metal ions only.

The plot of log BLH against pKLH for calcium does not permit the conclu-
sion that a linear relationship exists, although this might be indicated
because one can indeed draw a straight 1line through the points of
1-naphthyl phosphate, phenyl phosphate and a-D-glucose-1’-phosphate.
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More data 1is needed to confirm whether the calcium complexes of methyl
phosphate, glycerol-2-phosphate and hydrogen phosphate are exceptiohs-
that do not follow a general trend, or whether the linear correlation
does not exist. It 1is interesting to note that although the calcium
complexes are very weak, the range of log BLH values is larger than
expected compared to the range of the copper and zinc complex formation
constants, and even the protonation constants.

Although there is a linear relationship for the formation constants of
copper and zinc with the pKLH values of the ligands, no such correlation
exists for the formation constants of the hydroxo complexes. There seems
to be a trend that the higher pKLH’ the more hydroxo complexes are
found. For example, two hydroxo complexes have been found for a-D-
glucose-1’-phosphate and glycerol-2-phosphate. 1-Naphthyl phosphate only
has one hydroxo complex, and for phenyl phosphate, no hydroxo complex
could be detected at all. It cannot be decided whether hydroxo complexes
do not exist with some of the ligands, or whether they have not been
picked up 1in the titrations. They might be so weak that they occur in
too small concentrations or at pH values which have not been covered by
the titrations.

5.1.3 Interpretation of the calorimetric results
5.1.3.1 General discussion of the size and sign of the measured
enthalpies

Both the protonation and copper complex formation heats are positive
(see table 5.2). This means that energy is consumed when the protonated
complex or the metal complex forms. The i’gﬁ’ gain(egy bond formation is
outweighed by theczﬁgggza;QQEQ;E-deso]vation of the cation and of the
ligand. The complex will be solvated to a much lesser extent than the
free 1ligand because of its smaller charge. The complex formation is
therefore accompanied by an increase of the number of independent en-
tities in solution, 1i.e. by an increase ofIKS. AS is expected to be
larger for the copper complexation reaction than for the protonation
reaction. Because the complex LM is neutral it has a much smaller order-
ing effect on the solvent than has the protonated ligand, LH. In
addition the dehydration of the copper ion is more endothermic and more
entropy 1is generated than in the dehydration of the proton (see table
5.3).
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Table 5.3: Hydration enthalpies and entropies of protons and divalent
copper ions at 25°C [126]

cation AH [kJ/mol1] AS [kJ/mol°K]

wt -1.129 -0.131
cult -2.174 -0.309

In contrast to the above prediction AS is found to be very similar for
~the protonation and copper complexation of the phosphate esters (table
5.2). The reason is probably that the equilibrium constant for the
protonation is much Targer than that for the copper complexation. The
copper ion will be situated further away from the 1igand than the
proton. Although it carries two positive charges it will affect the
solvation of the 1ligand to a moderate extent only. In addition, the
copper ion itself might not be desolvated to the same extent as the
proton. It therefore seems possible that the effect of the tightly bound
proton on AS is of the same order of magnitude as the effect of the
weakly bound copper ion.

The reason why the copper comp1éxation enthalpy AHLM is larger than the
protonation enthalpy AHLH is again the strength of bond formation. Less
energy is gained in the formation of a weak ligand-metal bond than in
the formation of a strong proton-ligand bond. If AS is similar for the
two processes as in the case of the phosphate esters, AH must be larger
for the weaker complex, i.e. for the copper complexation reaction.

5.1.3.2 The correlation between the nucleophilicity of the ester group
and the protonation enthalpies

I will now turn to discuss relationships between pKROH and AH and AS,
respectively. The good correlation between pKLH and pKROH (figure 5.1)
suggests that the substituent exhibits mainly an electronic effect. Thus
I assume for the moment that protonation of the phosphate moiety is not
disturbed by any effects originating from the particular structure of
the substituent, and consequently AS should be constant throughout the
ligand series. An increase of pKLH with increasing pKROH must therefore
lead to a similar decrease of AH.

The entropies determined for the protonation of the ligands are indeed
very similar. One could thus conclude that the desolvation involves
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mainly the phosphate moiety, which 1{s the centre of the protonation
reaction. The solvation of the particular substituent does not seem to
be altered to a large extent and only constitutes a small contribution
to TAS. The plot of AHLH versus pKROH (figure 5.3) does, however, reveal
that AHLH does not entirely follow the predicted trend.

AHLH [kJ/mo|]
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Fiqure 5.3: Plot of the protonation enthalpies AHLH against pKROH‘

The ligands are: l=p-nitrophenyl phosphate, 2=1-naphthyl phosphate,
3=phenyl phosphate, 4=a-D-glucose-1’-phosphate, 5=glycerol-2-phosphate,
6=methyl phosphate |

As expected, AHLH drops when going from p-nitrophenyl phosphate to
phenyl phosphate. AHLH of a-D-glucose-1’-phosphate and glycerol-2-
phosphate are again sma]]e(, but AHLH of methyl phosphate is larger than
the protonation heats of a-D-glucose-1’-phosphate or glycerol-2- phos-
phate, but smaller than that of phenyl phosphate. There are two possible
explanations for this unexpected behaviour depending on whether one
regards ‘methyl phosphate as the exception, or a-D-glucose-1’-phosphate
and glycerol-2-phosphate as being anomalous.

First, I will assume that the protonation enthalpies AHLH of a-D-
glucose-1’-phosphate and glycerol-2-phosphate are anomalously low. In
contrast to the other 1ligands, both a-D-glucose-1’-phosphate and
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glycerol-2-phosphate contain OH groups in their ester moiety.
Consequently, there are several possibilities that hydrogen bonds can be
formed. Some possible structures, both for the free ligand and the
protonated 1igand, are shown in figure 5.4.

HO 0 HO }——0
oH K oH
0 3 0
?0 H\o,ﬁol
"0—P=0 HZ “HO-P=0
I I |
0° 0
Ml OH -0 H,'COH --- ('J
¢-0-f=0 f——o—-f:=0
q H2COH---0" HCOH  HO
. \O’
N\
H/ H

Figure 5.4: Possible hydrogen bonding in a-D-glucose-1’-phosphate and in
glycerol-2-phosphate

The hydrogen bonds formed by the protonated 1igand are extramolecular
whereas the most 1likely structures of the free ligands involve in-
tramolecular hydrogen bonds only. When the free 1ligand becomes
protonated hydrogen bonds are broken and new hydrogen bonds are formed
(in addition to the desolvation effect discussed above). It is also
possible that while one hydrogen bond is broken, another hydrogen bond
is strengthened at the same time. In order to explain the observed low
values for the protonation enthalpies one must postulate that upon
protonation the reorganisation of the hydrogen bonding is exothermic. In
other words, the energy of the hydrogen bonds in the protonated 1igands
must be smaller than in the free ligands. This, however, seems somewhat
unlikely because one would generally expect intramolecular bonds to be
stronger than extramolecular bonds. In addition, structures like I and
I (figure 5.4) have some similarity to the structure of solid ice and
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are therefore expected to be energetically favoured. Unless the protona-
tion and hydrogen bond destruction is accompanied by a considerable
increase 1in hydrogen bonding at another site of the molecule, it seems
unlikely that the protonation enthalpies of a-D-glucose-1’-phosphate and
glycerol-2-phosphate should be anomalously low.

The other possibility is that the protonation enthalpy of methyl phos-
phate is raised. This can be explained by some steric considerations.
A1l 1ligands considered contain non-polar ester groups. In contrast to
the other 1ligands with bulkier substituents the substituent of methyl
phosphate, the methyl group, is small. Methyl phosphate can therefore be
- solvated more easily because it does not disturb the structure of the
solvent as much as the bulkier 1ligands. The solvation is generally
favoured if the 1ligands are charged. Thus the free ligands will be
stabilized. The higher the degree of stabilization the more energy is
needed to break the structure of the solvation sphere in order that a
proton can coordinate. Consequently the energy needed to desolvate
methyl phosphate during the protonation is higher than for any other
ligand, and consequently the protonation enthalpy AHLH is higher than
initially predicted. This view is supported by the observation that the
protonation entropy of methyl phosphate is slightly higher than that of
any of the other ligands (table 5.2).

There is, however, another aspect that has to be considered, namely the
possible hydrogen bond formation of the glycerol and glucose moieties.
These substituents exhibit two effects. The one is the unfavourable non-
polar character 1leading to a destruction of the solvent structure as
discussed above. This effect is opposed by the energetically favourable
possibility of hydrogen bonding which leads to a stabilization of the
solvated 1ligand. The explanation above is only valid if I assume that
the two opposing effects cancel, or that the unfavourable solvation due
to the bulky moieties dominates over the hydrogen bonding.
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5.1.3.3 The gorré!gtion between the protonation enthalpies and the
0 mplex enthalpie

Figure 5.5 shows a plot of AHLM against AHLH. In contrast to the
protonation heats the electrondonating capacity of the substituents is
not reflected in the copper complex formation heats.
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Figure 5.5: Plot of the copper complex formation enthalpies AHLM agéinst
the protonation enthalpies AHLH. The ligands are:

1=p-nitrophenyl phosphate, 2=1-naphthyl phosphate, 3=phenyl phosphate,
4=a-D-glucose-1’-phosphate, 5=glycerol-2-phosphate, 6=methyl phosphate

a-D-Glucose-1’-phosphate, phenyl phosphate, 1-naphthyl phosphate and
p-nitrophenyl phosphate have AHLM values which are the same within
experimental error. This indicates that the different stabilities of the
copper complexes, as reflected by BLM’ might not be due to any sig-
nificant difference of the strength of the P-0-Cu bond as initially
predicted. Solvation effects as reflected in the ASLM values are just as
important. The structures of p-nitrophenyl phosphate, 1-naphthyl phos-
phate, phenyl phosphate and a-D-glucose-1’-phosphate are quite similar
in that the substituents of these four ligands are all non-polar rings.
Accordingly, the complexation entropies ASLM of these ligands are very
similar (the same has been observed for ASLH, see above).
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The copper complex formation of methyl phosphate is more endothermic
than that of p-nitrophenyl phosphate, phenyl phosphate, 1-naphthyl
phosphate and a-D-glucose-1’-phosphate. As for the protonation, this can
be explained by assuming that in solution the small methyl phosphate di-
anion is stabilized by solvation to a much larger extent than any of the
other 1ligands carrying bulky substituents. Again, this is supported by
the high entropy of the copper-methyl phosphate complex.

It remains unclear why the copper complex formation heat and entropy of
glycerol-2-phosphate are much higher than those of any other ligand.
Because structures originating from hydrogen bonding are believed to be
- very similar for both a-D-glucose-1’-phosphate and glycerol-2-phosphate
(as discussed above), one would have expected similar copper complexa-
tion heats.

5.2 Triphosphates
5.2.1 The influence of the substituent on the metal complexation of
triphosphates

Very 1little information 1is available about the metal complexation of
triphosphates other than the nucleotides. Therefore no definitive
relationships can be derived. I will however try to discuss some inter-
esting observations which may be worth a detailed investigation.
Protonation constants and metal complexation constants of triphosphates
with copper, zinc and calcium ions are summarized in table 5.5 (note
that apart from the stability constants for the nucleotides and their
derivatives, these are all the stability constants for the three metals
considered that could be extracted from the literature after an exten-
sive search of Chemical Abstracts).
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Jable 5.5: Equilibrium constants of triphosphates

cation wt Cu2+ Zn2+ Ca2+ I[mo1/1] T[°C] reference
Tigand
P3010H4' 5.79 5.36 4.93 3.64 0.15 25 *
FP3094' 6.65 5.97 4.64 3.73 0.15 25 *

4
CH30P309 - 6.45 6.17 0.10 20 [127]
ATP 6.51 6.13 4.85 3.77 0.10 25 [35]
C.H0P, 0,  6.32 [128]

65 39 ) '

v-phenylpropyl 7.17 0.10 25 [129]
triphosphate

4-
HZNP309 5.8 [130]
vATP: adenosine triphosphate *this thesis

Not all the compounds listed in table 5.5 are triphosphoric acid esters.
The -NH2 group of amidotriphosphate and the fluorine atom of
fluorotriphosphate are directly bound to a phosphorus atom. Therefore
the influence of these groups should be larger than the effect of an
ester group because these substituents are directly bound to the phos-
phate chain without being sep;;ated by an ester oxygen. Although
adenosine triphosphate (and all other nucleotides) is a phosphate ester,
it strictly cannot be compared to the other compounds listed because it
contains additional binding sites in the adenosine moiety. These have
been demonstrated to participate the binding of at least some metal ions
[38,39,131,132,2b]. Triphosphoric acid differs from the .other compounds
in that its substituent is a proton. The position of this proton is not
 fixed at one particular phosphate group, it can move around and is
probably attached to more than one phosphate group at the same time.
Therefore comparison with triphosphoric acid is also problematic.

A comparison of the range of the first protonation constant of triphos-
phates and monophosphates (table 5.5 and table 5.1) shows that the
variation is smaller for the triphosphates. This can be explained by
assuming that the major binding sites are the y and 8 phosphate group.
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These two phosphate groups are far from the substituent and will there-
fore only be affected to a small extent. Even the strongly
electronegative fluorine atom of fluorotriphosphate does not affect the
B phosphate to a considerable extent. This is confirmed by the observa-
tion that the fluorine atom splits the phosphorus nmr doublet of the
adjacent a phosphate group due to strong F-P coupling, but not the
triplet of the B phosphate group (see fig. A.5).

From the few available data it cannot be derived that an electron-
withdrawing substituent will lead to weak complexes, as has been shown
to be the case for monophosphoric acid esters (section 5.1.1). We ex-
pect, however, a similar trend for the triphosphates, but the range of
formation constants will most probably be smaller. In order to establish
such a vrelation, it would be interesting to extend the research to the
respective mono- di- and tetraphosphates. The range of formation con-
stants should decrease with increasing chain length.

Another interesting relation could be the effect of different sub-
stituents on the participation of the different phosphate groups in the
complexation. If the substituent is electron-donating, all three phos-
phate groups should participate in metal binding. In fact, the a
phosphate group could be the strongest binding site because it is
closest to the substituent. If, on the other hand, the substituent is
electron-withdrawing, it seems 1likely that the a phosphate group is
rendered too positive to attract metal ions, and binding should
preferably take place at the phosphate groups far from the substituent
(the protonation equilibria of fluorotriphosphate (section 4.1.11)
illustrate this).

The conclusion of this discussion is that the strength of complexes of
polyphosphoric acids can only be interpreted with respect to the
electron-donating or electron-withdrawing properties of the substituent
if the contribution of the different phosphate groups has been estab-
lished and 1is taken into account in the comparison. So far, only few
triphosphates have been investigated and considerable work is needed
before any relationships between the properties of the substituent
groups and the the complex equilibria of the respective triphosphates
can be proposed.
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$.3 conclusion

In this thesis I studied the protonation and the metal complexation of
some phosphoric acid esters. A correlation between the nucleophilicity
of the ester group and the value of the protonation constant has been
found, and explained. A similar correlation exists for the stability
constants of the copper and zinc complexes. From the data obtained, it
cannot be decided whether the formation constants of the calcium com-
plexes of the phosphate esters follow a similar trend. The correlations
of the protonation constants as well as the copper and zinc complexation
constants with the nucleophilicity of the ester group lead to the as-
sumption that the strength of the respective complexes is governed by
electronic induction effects, i.e. by polarisation of the phosphate
oxygens by the substituent. The determination of reaction enthalpies for
the protonation and copper complexation reactions, however, showed that
the complexation was not only dependent on the electronic effects, but
that desolvation of the ligands and cations plays an important role. In
fact, the main contribution to the protonation and copper complexation
heats is the desolvation of the free ligand during the reaction. The
electron donating capacity of the ester group is reflected in the
protonation heats. The protonation of methyl phosphate is more endother-
mic than expected because the free ligand is stabilized in solution due
to the small size of the substituent. For the same reason the copper
complexation heat of methyl phosphate is high, too. The values for the
copper complexation heats of a-D-glucose-1’-phosphate, phenyl phosphate,
1-naphthyl phosphate and p-nitrophenyl phosphate are the same within
experimental error. The electron donating capacity is thus not the
dominant factor for the differences observed in the complexation of
these 1ligands with copper. Solvation effects dominate and "swamp" the
electronic induction effects. The copper complexation of glycerol-2-
phosphate 1is highly entropy driven. It remains unclear as to which
factors govern the complexation of glycerol-2-phosphate with copper and
why it differs so marked]y’from the structurally related a-D-glucose-1'-
phosphate.

It would have been desirable if some more information about the role of
hydroxo complexes in the metal ion catalyzed hydrolysis of phosphate
esters could have been obtained. This, however, was impossible because
of the formation of precipitates in the pH range where hydroxo complexes
are expected to exist and in which no hydrolysis studies have been made.
It may be worthwhile to conduct a similar investigation as described in
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this thesis, but to use trivalent instead of divalent metal {ons.
Because of their higher charge, trivalent metal ions are expected to
form stronger complexes. If a considerable amount of the metal ions is
complexed fewer free metal ions remain in the solution. It may be pos-
sible that complexation can be studied at higher pH. If a wide range of
trivalent metal ions can be studied, it is perhaps possible to find a
correlation between the hydrolysis constants of the metal ion and the
strength of the ligand-metal or ligand-metal-hydroxo complexes as well
as the rates of metal ion catalyzed hydrolysis of phosphoric acid
esters.

Another possibility to circumvent the problem of precipitation might be
the study of monophosphoric acid esters which contain additional binding
sites in their ester moiety. Maybe these compounds chelate divalent
metal ions so strongly as to prevent metal-hydroxide precipitation. With
chelating 1ligands one would have the problem to distinguish between the
induction effects due to the substituent and the increase in complex
stability due to chelation. It may be possible to estimate the increase
in complex stability due to chelation by studying the complexation
equilibria of ligands which can only complex metal ions via their ester
groups, but which cannot bind at their phosphate group. The phosphate
group could be blocked by an unreactive functional group, such as e.g. a
methyl or phenyl group. The inductive effect of this group must then be
taken into account, too.

At the same time, the study of polyphosphoric acid esters should be
pursued. The possibility of correlations between the nucleophilicty of
the ester group and the formation constant of the metal complexes has
been discussed in this thesis. The importance of hydroxo complex forma-
tion in the hydrolysis of triphosphates has been indicated in some
recent papers [31,32]. The study of polyphosphoric acid esters thus
promises to yield some relevant biochemical results. From the purely
chemical point of view the variety of the possible reactions is well
worth detailed investigations, too. The first step must, however, be the
search for new effective pfocedures for the synthesis of polyphosphoric
acid esters. |
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Appendix A: The role of hydroxo complex formation in the metal ion
d 8-quino hosphat

It has recently been emphasized that hydroxo complex formation plays an
important role in the hydrolysis of triphosphates [31,32], and there are
some indications [13,33,34,20] that the same might be valid for
monophosphoric acid esters. On the other hand, the mechanism of the
catalytic action of metal ions on the hydrolysis of several monophos-
phoric acid esters has been explained by assuming the formation of a
chelate [19,22-24]. For example, the hydrolysis of 8-quinolyl phosphate
- has been extensively studied in the presence of divalent copper and
nickel ions, and the formation of a chelate between copper and
8-quinolyl phosphate, but not between nickel and 8-quinolyl phosphate
has been suggested as accounting for the different catalytic action of
these two metal ions [22]. In order to explore the possible role of
hydroxo complex formation in the hydrolysis of 8-quinolyl phosphate I
describe here the results of an extensive equilibrium study of the
protonation and metal complexation of 8-quinolyl phosphate. The two
related 1ligands, 1-naphthyl phosphate and 8-quinolyl methyl phosphate,
have also been studied. 1-Naphthyl phosphate and 8-quinolyl methyl
phosphate differ from 8-quinolyl phosphate in the absence of one poten-
tial binding site, namely the quinolyl nitrogen and one of the non-ester
oxygens, respectively (figure A.1).
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8-quinolyl phosphate, 1-naphthyl phosphate, 8-quinolyl methyl phosphate

Figure A.1: Structures of é-quino]y] phosphate, 1-naphthyl phosphate
and 8-quinolyl methyl phosphate

The study of these related ligands can provide evidence whether or not
chelates are formed between 8-quinolyl phosphate and various metal ions.
The potentiometric results are summarized in table Al. (for details, see
sections 4.1.3, 4.1.8, and 4.1.9, respectively).
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Jable Al: Formation constants of 8-quinolyl phosphate,
1-naphthyl phosphate and 8-quinolyl methyl phosphate with
protons and divalent copper, zinc, nickel and cobalt ions
(T=25°C, I=0.15 mol/1 NaCl)

8-quinolyl 1-naphthyl 8-quinolyl methyl
phosphate phosphate phosphate

cation species log 8 log B log B

T LH 6.333 5.740 4.725
LH, 10.462

cwlt M 5.114 2.635 2.523
M, -0.910  -3.840  -4.062

nt 9.695
LM 4.870 2.014 1.187
i, -1.697  -4.730  -5.531

NiZt M 2.345 1.568 1.724
LMH_,  -5.469 _5.083

colt M 1.781 1.681 1.237
LMH_, -5.263

Table Al shows that the complexes of 1-naphthyl phosphate and 8-quinolyl
methyl phosphate are weak. The complexes formed between 8-quinolyl
phosphate and divalent copper, zinc and nickel ions are considerably
stronger. This indicates that both coordination sites, the quinolyl
nitrogen and one of the phosphate oxygens, are involved in the binding
of the metal ion. In contrast to the postulate of Murakami and Sunamoto
[22], 8-quinolyl phosphate acts as a bidentate ligand with both copper
and nickel ions, although the complexation with nickel ions is con-
siderably weaker than that with copper ions (table Al). Therefore,
chelation cannot be the only requirement in the metal ion catalyzed
hydrolysis. As has already been described above hydroxo complex forma-
tion is thought to be involved in some hydrolysis processes. In order to
decide whether hydroxo-complex formation could play any important role
in the hydrolysis of 8-quinolyl phosphate, speciation plots of the
copper-8-quinolyl phosphate and nickel-8-quinolyl phosphate system
(fig.A.2 and figure A.3) have been calculated.
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Figure A.2: Concentrations of the various complexes formed between
8-quinolyl phosphate and copper ions as a function of pH. Both ligand
and metal concentrations were taken as 0.003 mol/1.
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Figure A.3: Concentrations of the various complexes formed between
8-quinolyl phosphate and nickel ions as a function of pH. Both 1igand
and metal concentrations were taken as 0.003 mol/1.
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The hydroxo complex MLH_1 is a major species for the copper-8-quinolyl
phosphate system, but occurs only in small amounts in the nickel-
8-quinolyl phosphate system. It cannot, however, be concluded that the
formation of MLH_l is an eSsentia] requirement in the metal catalyzed
hydrolysis of 8-quinolyl phosphate. Murakami and Sunamoto [22] report
catalysis by copper ions in the pH range 2.03 to 3.85, where the con-
centration of CuLH_l is not significant (fig. A.2). It therefore remains
unclear why the catalytic action of copper and nickel ions on the
hydrolysis of 8-quinolyl phosphate is so markedly different, and whether

or not hydroxo complex formation plays any significant role in this
- reaction.
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Appendix B: The effect of simultaneous refinement of various titration

recis of stability constant

It has been suggested [97] that the precision of stability constants can
be improved by refining formation constants and several titration
parameters at the same time. The effects of random errors of all the
titration parameters are believed to be absorbed in the refined values
of individual titration parameters , which may differ substantially (5-
10%) from their original values. The refined formation constants,
however, are much closer to their true value. This can be demonstrated
- as follows:

For a given set of formation constants, titration data are calculated
for a set of m titrations and the program ESTA7 is used to impose random
errors on all the titration parameters. This is repeated n times, thus
creating n sets of m titrations. For each set, an increasing number of
titration parameters is refined. The simultaneous optimization of B, Eo,
[H]vesse] and [L]vessel has been found particularly succea&u] [97]. The
formation constants obtained approach the "true" formation constants the
more parameters are refined.

This analysis was carried out with the protonation constants of
8-quinolyl phosphate. Ten sets of four titrations each were created and
Bs only, B + Eo, B + Eo + [H]vessel’ B + Eo + [H]vessel + [L]vessel were
refined simultaneously. The results are shown in Figure A.4a and figure
A.4b. Indeed, the more parameters are optimized, the smaller is the
spread of the results and the deviation from the true value. The same
analysis was attempted for a system containing metal ion, but frequently
the variables were found to be correlated with the formation constants.
The same problem arose with real data. Therefore I decided to refine
only formation constants when I analyzed all my real data. The example
of the 8-quinolyl phosphate does, however, give an indication of the
size of the random error of the formation constants, which seems more
reliable than the calculated standard deviations.
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Figure A.4a: Formation constants calculated for the complex LH from the

ten sets of synthetic titration data (indicated by different symbols) as
a function of the parameters optimized. The solid line denotes the value
used in the calculation of the synthetic data.
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used in the calculation of the synthetic data.
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: rial and thesi he ligan

General

The water was deionized and distilled. It was boiled before use to
remove carbon dioxide.

Glassware used to make up standard solutions was calibrated just before
use by weighing the amount of water needed to fill up the vessel to the
mark.

Sodium hydroxide (Merck ampoules) solutions were prepared under nitrogen
and protected from atmospheric carbon dioxide by soda lime. Solutions
~were not kept for longer than five days. They were standardized against
dried potassium hydrogen phthalate (Merck p.a. 99.9-100.5%).
Tetramethylammonium hydroxide (CH3)4N0H : The concentrated stock solu-
tion (25% solution, BDH GPR) was filtered and diluted to the desired
concentration. It was stored and standardized like sodium hydroxide
solutions.

Hydrochloric acid: HC1 (Merck ampoules) was standardized against sodium
hydroxide or borax [133]. Both methods agreed within 0.1%.

Gran plots were used 1in all acid-base standardizations to ensure the
absence of contaminants, especially carbon dioxide [134].

Sodium chloride: NaCl (BDH Aristar) was dried at 70°C.
Tetramethylammonium chloride: (CH3)ANC1 (Merck p.a. >98%) was recrys-
tallized according to [135]. The salt is slightly hygroscopic and was
stored at 50°C.

Ethylenediaminetetra-acetic acid (EDTA): standard solutions were pre-
pared by weighing out EDTA (Merck Titriplex III p.a. >99%) which had
been dried at 80°C for at least 24 hours. Frequent concentration checks
by titrations versus standard zinc solutions [133] agreed with the value
obtained from weight within 0.2%.

Copper ions: solutions of copper ions were made from CuC]z-ZHZO (Merck
p.a. >99%) and standardized against EDTA using murexide indicator [133].
Zinc _ions: solutions were prepared by weighing out zinc granules (Merck
p.a. >99.9%) and dissolving them in concentrated hydrochloric acid (BDH

AnalaR). The acid content of the solutions was determined in titrations
against NaOH using Gran plots [134].

Nickel ions: NiC]zoGHZO (Merck p.a. >98%) was dissolved and standardized
against EDTA using murexide indicator [133].

Cobalt ions: solutions containing cobalt ions were prepared from
CoC]Z-GHZO (Merck p.a. >99%) and standardized against murexide indicator
[136].
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Manganese ions: MnC12-4H20 (Merck p.a. >99%) was used as the source for
manganese fons. Solutions containing manganese ions were standardized
against EDTA using solochrome black indicator [133].

Calcium dons: calcium ion solutions were prepared from CaC]2 (ROC/RIC
anhydrous salt >99.95%) and standardized against EDTA using methyl-
thymolblue indicator [133]. '
Trimetaphosphate: P309Na3 (Sigma, 95-97%) was purified by recrystalliza-
tion [137].

Phenol: Merck p.a. >99.5%

Potassium fluoride: Merck p.a. >99%

- Silver nitrate: BDH AnalaR >99.9%

Concentrated hydrochloric acid and concentrated ammonia: Merck p.a.
Ammonium chloride: Merck p.a. >99.8%

A11 organic solvents (methanol, ethanol, acetone, chloroform, ether,
acetonitrile): BDH AnalaR. Before use organic solvents were always dried
and distilled [138]

Ligands

A11 1ligands were examined by proton and phosphorus nmr before use. In
addition the orthophosphate content was determined by the very sensitive
phosphomolybdate test [101]. The orthophosphate content never exeeded
0.1% of total phosphorus and often was not detectable at all. In addi-
tion the orthophosphate content of stock solutions was determined before
and after all titrations were performed to ensure that no hydrolysis
occurred during the use of these solutions.

1. p-Nitrophenyl phosphate

The purchased OZNC H,0 PO,Na -6H20 (Sigma 104) was used without further

64 3772
purification.
Microanalysis: C H N
Calculated: 19.4% 4.3%  3.8%
Found: . 19.5% 4.5% 3.8%.

p-Nitrophenyl phosphate is both 1ight and heat sensitive and was stored
in a dessicator over silica gel in the freezer. When weighing out
samples for the titrations the cold 1igand seemed to pick up moisture
from the air which was then slowly released. After 30 min a steady
balance reading was obtained. Concentrations obtained from weight and
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from titration endpoints agreéd to better than 0.2%. The concentration
obtained from weight was used in all the calculations.

2.1 1-Naphthyl ghoSphatg
The sample of C10H70P03H2 used was synthesized as part of M.M.

Armstrong’s M.Sc. thesis [139]. The purity was confirmed by determina-
tion of the melting point (159-161°C) (literature : 155-157°C [152].

Microanalysis: C' H

Calculated: 53.6% 4.1%

Found: 53.6% 4.1%

The compound was used as obtained.

3. Phenyl phosphate
C6H50P03N32~2H20 (Aldrich, 98%) was used without further purification

after it had been dried under vacuum.

Microanalysis: C H

Calculated for
C6H50PO3Na2 33.0% 2.3%
Found: 33.0% 2.1%

The ligand is hygroscopic.
Stock solutions (~0.01 mol/1) were freshly prepared daily and standard-
ized against sodium hydroxide after addition of hydrochloric acid.

4. a-D-Glucose-1’-phosphate
It was attempted to characterize the purity of the purchased sample of

C6H1103P03Na2~4H20 (Sigma, 98%) by microanalysis. However, results were
not entirely satisfactory.

Microanalysis: C H

Calculated for:
C6H1103P03Na2.4H20 19.1% 5.1%

C6H1103P03N32~3.5H20 19.6% 4.9%

Found: 19.6% 4.0%
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The sample was found to be free of'phosphate. The proton nmr spectrum
showed no peaks other than those expected for the ligand. Therefore the
salt was used as obtained. The reason for the discrepancy between calcu-
lated and found carbon and hydrogen content is probably the variation of
the water content with storage conditions. Stock solutions were prepared
daily and standardized in acid-base titration.

5. Glycerol-2-phosphate
(CHZOH)ZCHOPO3Na2.4H20 (Sigma) was used as obtained after analyzing the

freshly obtained sample.

Microanalysis: C H
Calculated: 12.5% 5.2%
Found: 12.4% 5.2%

It was found that the water content changed considerably with storage
conditions. Therefore stock solutions were prepared daily and standard-
ized in acid-base titrations. It has been shown [140] that solutions of
glycerol-2-phosphate are sufficiently stable towards hydrolysis and
conversion to glycerol-1-phosphate.

6. Methyl phosphate

The synthesis of CH30P03Na2 involved two steps:

1. preparation of CH30P0C12 from POC]3 and CH3OH:
To 23 ml POC]3 in 45 ml ether in an ice bath, 10 ml methanol in 20 ml
ether were slowly added. The temperature was kept below 10°C. After
two hours of stirring at room temperature, the solvent was evaporated
on a rotary evaporator and the remaining solution distilled on a
water pump. Bp = 64-66°C .

2. reaction of CH30P0C12 with NaOH to CH30P03Na2: \
10 g CH30P0C12 was added dropwise to 120 ml of 2.5 mol/1 NaOH solu-
tion at room temperature. The mixture was stirred overnight and the
water evaporated. A mixture of CH30PO3Na2-5H20 and NaCl (ratio 1:2)
was obtained as a white solid. The purity was confirmed by

microanalysis and nmr.
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Microanalysis: C H
Calculated: 3.31% 3.60%
Found: 3.35% 3.60%

The coupling constant of the CH3 hydrogens is 11 Hz. The product is
slightly hygroscopic.

1. Hydrogen phosphate
Concentrated phosphoric acid (Merck pa, 85%, d=1.71) was diluted to the

~desired concentration and assayed by acid-base titration.

8. 8-Quinolyl phosphate
8-Quinolyl dihydrogen phosphate was synthesized by M.M. Armstrong [139]

and used without further purification.

Microanalysis: C H N
Calculated: 48.01% 3.59% 6.22%

Found: 47.95% 3.65% 6.25%

9. 8-Quinolyl methyl phosphate
The monosodium salt of 8-quinolyl methyl phosphate was synthesized by

M.M. Armstrong [139] and used without further purification. The ligand
is extremely hygroscopic. Stock solutions of 8-quinolyl methyl phosphate
were prepared daily and standardized in acid-base titrations.

Microanalysis: C H N

Calculated: 43.02% 3.98% 5.02%
Found: - 42 .55% 3.85% 4.80%
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10. Triphosphate

Pentasodium triphosphate hexahydrate (Sigma 98+%) Na5P3010-6H20 was
purified on the day before the titrations were performed by two recrys-
tallizations from water-ethanol mixtures [141]. On the day of the
titration the salt was passed through Amberlite IR-120 ion exchange
resin to convert the sodium salt to the free acid. This was necessary
because of the non-negligible complex formation between sodium and
triphosphate ion (K=1.64 I=1.0 T=25°C [142], K=2.58 I=0 T=25°C [121]).
Unfortunately, it was found impossible to remove 100% of the sodium in
such a short time that no hydrolysis occurred. Therefore, the ion ex-
" change was done such that less than 0.5% of the initial sodium was left.
This was confirmed by measuring the sodium content of the solution by
atomic emission spectroscopy at 589 nm. Unremoved sodium up to 2% of the
initial sodium content only affects the stability constants in the third
decimal and can therefore be neglected. This was shown by creating
synthetic data from 1literature constants [35] by means of the program
library ESTA. The synthetic data were created assuming a certain amount
of sodium to be present. The sodium complexation constant and sodium
concentration were then deleted and the remaining stability constants
refined as if no sodium was present. In order to obtain the "right"
answer, it was found that the acid concentration in the vessel had to be
refined at the same time, which accounts for the error caused by the
incomplete substitution of sodium by protons. If less than 20% of the
sodium was assumed not be removed by ion exchange, a linear drop of the
three protonation constants was observed. The decrease of the value for
protonation constants was 0.0025 per 1% of unremoved sodium. If the
"true” protonation constants were fixed, the same decrease was found if
a similar analysis was carried out for the copper complexation. If,
however, the protonation constants with the "sodium error" were used,
the decrease of 1log B was slightly higher and also depended on the
ligand to metal ratio. The maximum error that occurs due to the incom-
plete ion exchange is thus of the order of 0.005, which is considered to
be tolerable. Initially it was thought that the refined acid concentra-
tion could be wused as an additional criterion for the choice of the
right set of complexes because in the calculations on the synthetic data
the refined acid concentration always converged to the right value.
This, however, is not true for real data, where all kinds of errors seem
to accumulate in the refined acid concentration value. Therefore, it was
thought safer to determine the acid concentration at the same time as
the 1ligand concentration by titration with tetramethylammonium
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hydroxide. This value was compared with the value obtained from the
determination of the sodium content of the solution, which agreed within
0.5%. The values obtained from the titrations were used as input values
for ESTA..

]11. Fluorotriphosphate

KAg3P309F was prepared from potassium fluoride and trimetaphosphate
Na3P3O9 as described in ([123]. 20.7g Na3P309-6H20 and 11.6g KF were
dissolved in 500m1 water. After one week this solution was diluted with
11 water and 500m1 methanol. 100ml1 of AgNO3 (1 mo1/1) was then added
~dropwise with stirring. After 30 min of stirring, Ag3KP309F had
precipitated. The precipitate was filtered and washed three times with
20m1 of water/methanol (1:3) mixture. The product was dried over silica -
gel for 3 days.

Yield: 6.80g (22% based on Na3P304) .

KAg3P309F is light sensitive and was kept in the dark.

KAg3P309F is insoluble in water. In order to obtain the soluble salt,
KAg3P309F was slurried in a solution of KC1 or (CH3)4NC1, respectively.
After some stirring AgCl precipitated and was filtered off. No suction
must be applied as this was found to destroy the ligand.

A1l attempts to obtain the solid potassium or tetramethylammonium salt
failed. When methanol or acetone was added to a solution of K4P309F or
((CH3)4N)4P309F a white precipitate formed, but phosphorus nmr showed
that the compound had disintegrated. Evaporation of the water of a
solution of K4P309F or ((CH3)4N)4P309F gave the same result. (Other
workers [143] also failed to isolate salts of fluorotriphosphate al-
though they detected its presence in solution by chromatography).

On the day of the titration KAg3P309F was stirred in a solution of
(CH3)4NC1 and applied to Amberlite IR 120 ion exchange resin after
removal of the AgCl precipitate.

.The solution obtained was analyzed for sodium and potassium by atomic
absorption spectroscopy at 583 and 766.5 nm, respectively. No sodium
could be detected and more than 99.5% of the initial potassium was
removed. A phosphorus-nmr spectrum of fluorotriphosphate is shown in
figure A.5.
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Figure A.5: ? P-nmr spectrum of fluorotriphosphate at pH=5.56

The triplet is assigned to the central phosphate. The doublet at low
field corresponds to the terminal or vy phosphate. The strong interaction
between fluorine and Pa causes a splitting of the Pa doublet into a
doublet of doublets with a coupling constant of 931+2 Hz as is expected
for F-P coupling [144]. The spectrum clearly shows the absence of phos-
phates other than the product. It has been demonstrated [123] that
fluorotriphosphate is most stable against hydrolysis in acidic solution.
Solutions prepared as described above were therefore kept in acid and
used within 5 hours.

12. Methyltriphosphate

Four different approaches were employed in the synthesis of

methyltriphosphate:

1. This procedure has been successfully used to synthesize adenosine
triphosphate [145] and +v-phenylpropyltriphosphate [146]. The first
step was the synthesis of dimethyl phosphoryl chloride from
trichlorophosphate and methanol (1:2 molar ratio). Dimethyl phos-
phoryl chloride was then reacted with morpholine (1:1 molar ratio) in
ether below 10°C [147]. Dimethyl phosphoromorpholidate was obtained
and purified by destillation (Bp=98-101°C, P=0.7mmHg). The purity was
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confirmed by proton nmr and determination of the refractive index
(n=1.4550, 1literature value n=1.4530 [147]). The compound was then
treated with an excess of trimethylamine in acetonitrile at 60°C over
night - to obtain methyl phosphoromorpholidate as the tetramethylam-
monium salt. The product precipitated out of solution after cooling
to room temperature as white needles. The purity was confirmed by
proton nmr. This intermediate was added to di-(tri-n-butylammonium)
dihydrogen diphosphate in pyridine at room temperature. The reaction
was attempted using different ratios between the intermediate and
diphosphate. It was followed by both proton and phosphorus nmr, but
no sign of a product appeared. A possible reason might be the low
solubility of methyl phosphoromorpholidate in pyridine, so that the
solution was too dilute. Unfortunately, no better solvent was found,
and the approach was abandoned.

. The successful synthesis of methyltriphosphate from dimethylsulphate
and sodium triphosphosphate in alkaline solution has been indicated
in the literature without describing the detailed procedure [127].
Different ratios between sodium triphosphate and dimethyl sulfate in
water were employed, but the desired product was never obtained. The
problem may once again be the choice of the right solvent. No solvent
was found ‘that could dissolve both dimethyl sulfate and pentasodium
triphosphate. The addition of a small amount of (C4H9)4NHSO4, which
was supposed to dissolve some of the pentasodium triphosphate in an
organic solvent (benzene, carbon tetrachloride, acetonitrile,
dioxane, dimethylsulfoxide) did not lead to any success. Eventually,
this attempt was also dropped. For comparison, however, methyl
monophosphate was successfully prepared in a test tube experiment
from disodium hydrogen phosphate and dimethyl sulfate in water after
shaking the mixture for twenty minutes at room temperature. The
product was detected by proton-nmr.

. The third approach involved the reaction of methyl iodide with sodium
triphosphate. As a preliminary experiment, it was attempted to fuse
methyl iodide with disodium hydrogen phosphate in alkaline solution.
Unfortunately, methyl iodide hydrolyzed before any reaction took
place. Because the reaction with the sodium triphosphate was exﬁected
to be even slower, this approach was not pursued any further.

. The synthesis of tetrasodium methyltriphosphate from trisodium
trimetaphosphate and methanol 1in alkaline solution is described in
the Tliterature [148]. To 25g Na3P309-6H20 in 120ml H20 were added
364m1 of methanol and 60m1 of NaOH (1 mol/1). This solution was
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diluted to 11 and left for three weeks in a stoppered flask. After
this time a slight decrease in volume was observed and a white
precipitate had formed (Na5P3010-6H20) which was discarded. To the
solution, 100ml1 of nitric acid (1 mol/1) was added, upon which the pH
dropped to about 4. The pH was then raised to pH=9 by the addition of
concentrated ammonia. The precipitate that formed after the addition
of 20ml of silver nitrate (1 mol/1) was discarded. The precipitate
that formed after the addition of further 180 ml of silver nitrate
was collected and washed with methanol-water mixture (1:1), methanol
and ether. It was dried over silica gel.
Yield: 7g of Ag4P3010CH3-H20
On the next day 10ml1 NaCl (2 mol/1) was added to a mixture of 3.7g
Ag4P3010CH3-H20 and 15ml water in an ice bath. Silver chloride
precipitated and was filtered off. 200m1 of methanol was added to the
solution which was then kept in a freezer for three hours. A fine
pricipitate formed. 400ml of acetone was added, the precipitate was
collected and washed with ethanol and ether. It was dried over silica
gel. The product is hygroscopic.
The yields obtained in three different syntheses were always very
much lower than the yields reported in the literature. Although
phosphorus-nmr showed the right pattern, namely two doublets and one
triplet, two doublets instead of one for the CH3-group were found on-
the proton-nmr spectrum. This agrees with the fact that the percent-
age carbon and hydrogen found by microanalysis was always higher than
expected. A1l attempts to recrystallize the hygroscopic product did
not remove the impurity.

Finally, the synthesis of methyltriphosphate was given up.

13. Phenyltriphosphate and p-Nitrophenyltriphosphate

A procedure for the synthesis of phenyltriphosphate from phenol and
trimetaphosphate in aqueous solution is described in the literature
[128] and was followed. To 55.19g of P309Na3-6HZO in 200m1 of water was
added 117g of phenol and 50 m1 NaOH (1 mol/1). This two-phase mixture
was shaken for ten days. During the reaction the organic layer turned
dark brown. On the tenth day theafwo phases (130m1 of organic phase,
250m1 of aqueous phase) were sepgrated. The aqueous phase, which was
yellowish (pH=9), was brought to pH=5 by adding nitric acid (1 mol/1). A
small amount of a white precipitate formed and was discarded. The solu-
tion was then shaken twice with 480ml of ether and 250ml1 of ether,

respectively, after which the yellow colour had disappeared. 250ml1 of
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water was added to the 250m1 of solution and the pH was raised to pH=7
by the addition of ammonia (1 mol/1). 24ml of silver nitrate (1 mol/1)
was added, and the white precipitate that immediately started to form
was filtered after thirty minutes of stirring. Another 50ml of silver
nitrate was added and again, a white precipitate was collected after
fodrty minutes. The two fractions were washed with ethanol-water mixture
(1:1) and subsequently with ethanol, and were air dried.

Yield: 1.4g (1.4% based on trimetaphosphate) of a crude product which
could not be identified as the desired compound. Microanalysis yielded
low percentages for carbon and hydrogen.

At the same time, the synthesis of p-nitrophenyltriphosphate was at-
tempted by the same procedure, but the reaction time was extended to
three month. No product was obtained. One of the reasons is probably the
poor solubility of p-nitrophenol in water.
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