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Iron Chelators of the Pyridoxal Isonicotinoyl Hydrazone Class
Part II. Formation Constants with Iron(IIl) and Iron(II)
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Abstract

Formation constants for the iron(III) complexes
of the orally effective iron chelator pyridoxal iso-
nicotinoyl hydrazone (PIH)y and three analogues:
pyridoxal benzoyl hydrazone (PBH), 3-hydroxy-
isonicotinaldehyde isonicotinoyl hydrazone (ITH)
and salicylaldehyde isonicotinoyl hydrazone (SIH),
have been determined by a combination of spec-
trophotometry and potentiometry. All four ligands
bind iron(IIl) strongly giving, at physiological pH
7.4, values of pM (—log[uncomplexed metal])
between 27.7 and 50, comparable to or greater than
those for transferrin (25.6) and desferrioxamine B
(28.6). The complexation of Fe(Il) by PIH has also
been studied and has been found to be appreciable
but very much weaker than that for Fe(III).

Introduction

The chelating agent pyridoxal isonicotinoy!
hydrazone (PIH, Fig. 1(2)) has attracted considerable

*Author to whom correspondence should be addressed.

attention in the search for high affinity iron chela-
tors [1,2] due to its high activity in mobilising
cellular iron in a variety of cellular and animal-based
bioassays [3—14]. The affinities of PIH for iron(II)
and iron(III) are significant aspects of this activity.

In this paper we report the results of solution
studies of the formation constants with iron(IIT)
of PIH and three structural analogues PBH (pyrid-
oxal benzoyl hydrazone), IIH (3-hydroxyisonicotin-
aldehyde isonicotinoyl hydrazone) and SIH (sali-
cylaldehyde isonicotinoyl hydrazone) (Fig. 1(b)—
(d)). In addition, the interaction between PIH and
iron(IT) is characterised, following an earlier report
of this formation constant [10]. Brief reports have
appeared elsewhere [15, 16].

X-ray structural data indicate that coordination
to iron(IIT) in the solid state occurs via the depro-
tonated phenolic —OH, the C=0 and NH=N- of
the hydrazone bridge [15, 17, 18].

Experimental

The ligands were prepared as described in Part 1
[19]. Stock solutions of 0.1 M Fe(NO3); in 0.05 M
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Fig. 1. Structures of the chelating agents studied: (a) pyridoxal isonicotinoyl hydrazone (PIH); (b) pyridoxal benzoyl hydrazone
(PBH); (c) 3-hydroxyisonicotinaldehyde isonicotinoyl hydrazone (IIH); (d) salicylaldehyde isonicotinoyl hydrazone (SIH).
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HNO; were standardised by reduction with SnCl,
followed by titration with standard KMnO,. Solu-
tions of Fe(NO;), were prepared by mixing equi-
molar solutions of FeSO, and Ba(NO;), in freshly
distilled water, under a positive pressure of argon
[20]. After standing overnight at O °C, the super-
natant was decanted and filtered under Ar before
being added to HNOj, giving a final acid concentra-
tion of 0.05 M and a final [Fe(II)] of approx. 0.1 M.
The exact [Fe(II)] was determined by titration
with standard KMnO,4. Such solutions could be
stored at 0 °C for several days without significant
oxidation to Fe(TII).

Formation constants of the Fe(III) complexes
were determined by a combination of spectropho-
tometry and potentiometry. Spectrophotometry was
employed to measure initial complexation at pH
1.5-3.2. Potentiometric titrations (H*-titrant) were
then used to determine the acid dissociation con-
stants of the Fe(IlI) complexes at higher pH. Very
dilute solutions, with [Fe(Ill)]=1-5X10"° M
were used to avoid precipitation. The Fe(Il)
complexes are more soluble and were studied at
[Fe(I)] =2.5 X 10™* M over the full pH range by
potentiometry although great care had to be taken
to exclude oxygen.

For spectrophotometric measurements, solutions
of [L]p:[Felr =1, 2 and 4 were prepared for each
ligand in succinic acid—succinate buffer solutions.
The subscript T refers to the total or analytical
concentration. The final concentrations were ad-
justed to give absorbance readings between 0.1
and 1.0 at 440-470 nm (typically, 2.5-5 X 1073
M). Spectra in the UV—Vis regions were recorded
with a Hewlett-Packard HP8450 spectrophotometer
equipped with thermostatted (+0.1 C) cell holders.
The titration apparatus and procedures for pH
measurements have been described previously [19].

All measurements were made at 25.0 °C at an
ionic strength of 0.1 M (KNO3).

Calculation Procedures

For the analysis of the spectrophotometric data,
each experimental point was considered to represent
four variables: [L]yp, [M]r, pH and absorbance.
It was assumed that H,L was the most protonated
form of the ligand that can bind significantly to
the metal jons. Hence data fitting began with 8
parameters; the formation constants and molar
absorptivities (¢) of the four mono- and bis-
complexes of H,L, i.e. M(H,L), M(H,L),, and of
HL, ie. M(HL), M(HL),, with the residuals (on
the absorbance) and their standard deviation pro-
viding a measure of goodness-of-fit using the non-
linear algorithm of Marquardt [21]. Various com-
binations of metal complexes were evaluated in

this manner to give the best standard deviation.
Speciation plots were calculated from the mass
balance for M and L at each pH value. Analysis of
the potentiometric data was performed in a manner
analogous to the spectrophotometric data. Variables
were the measured pH, [L]t and [M]r derived from
the initial totals and the titration volumes, whilst
the parameters were the acid dissociation constants
of the complexes (see eqn. (3) below).

Nomenclature

Because of the large number of ionisable protons
on the ligands, iron—PIH and related systems are
potentially complicated and it is necessary to specify
the equilibria and the stoichiometry of the com-
plexes carefully. This can be done in a number of
ways. The following approach has the advantage of
relating the experimental data to the major equilibria
likely to be occurring in solution.

The association of the ligand with the metal
can be represented generally as follows (omitting
charges for simplicity)

Fe +aH L + bH,L — Fe(H, L),(H, L),

where g and b are 0 or 1. The formation constants
for these equilibria are then

_ [Fe(HL)(HyL)s]
*¥ " [Fe][H,L]°[H,L]®

Complex formation can also be represented as
a proton-dependent equilibrium

Fe +aH, L+ bH, L — Fe(H, L),(Hy L), + nH"

where n=(x'—x)+ ('~ ) and @ and b=0 or 1.
Formation constants for these equilibria are thus

B* — [Fe(HxL)a(HyL)b] [H+]n
*¥ [Fe][HeL]®[HyL]®

The acid dissociation constants for the com-
plexes are represented as K.; (i<2), where K.;
is the equilibrium constant for the following reac-
tions

Fe(H,L)s(HyL), — Fe(H,-,L)s(H,L), +H"
or
Fe(H;L);(HyL), — Fe(H;L)o(H,-,L), +H*

where x and y are O or 1.

The overall formation constants f§,, for each
species can then be calculated from %, when the
acid dissociation constants for the ligands (K;) and
the complexes (K ;) are known.



Results and Discussion

Complex Formation with Iron(III)

Study of the interaction of Fe(IIl) with PIH
and its analogues is of considerable interest but
presents particular experimental difficulties. Not
only are the formation constants large but the quite
limited solubility of the ligands and especially the
neutral complexes in aqueous solution necessitates
the use of metal and ligand concentrations that
are 2 or even 3 orders of magnitude below those
usually employed in such studies. Moreover, the
low solubility restricts the pH range available for
study. The situation is complicated further by the
large number of possible complexes. Inevitably
the errors associated with the formation constants
reported in this work are somewhat larger than
the authors would prefer. However, the importance
of these data in helping to understand the inter-
action of Fe(IlI) with this potentially important
class of ligands far outweighs these limitations.

In the pH range 1.5-3.2, both PIH and IIH
associate with iron(III) with the loss of two or
three protons from their fully protonated form
H,L**, giving Fe(H,L)**, Fe(H,L),** and Fe(HL),".
The species Fe(HL)** forms with IIH but not PIH.
In the case of the other two ligands PBH and SIH,
only the two species Fe(HL)** and Fe(HL),* are
detected. The formation constants for all these
species are shown in Table 1.

The affinities of PIH and IIH for Fe(Ill) are
comparable, indicating, not surprisingly, that the
—CHs and —CH,OH side chains on the pyridoxal
ring have little influence on metal-binding. How-
ever, the substitution of a benzene for a pyridine
ring results in a dramatic increase in iron-binding
capability. Thus log$,;* increases from 8.80 for
PIH to 21.8 for PBH and 32.2 for SIH (see struc-
tures in Fig. 1). This effect is much more pro-
nounced for SIH than for PBH. Clearly the pyridine
nitrogen has a more pronounced electron-with-
drawing effect on the phenolate group of the pyri-
dine residue than on the carbonyl side chain of the
isoniazid residue. In this context, the complex
formation with salicyl benzoyl hydrazone (SBH),
the PIH analogue with two benzene rings, would
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Fig. 2. Distribution of iron(IlI) complex species over pH
0—-11 for [Fe(ID)] = 107® M and [ligand] = 103 M, when
ligand is (a) PIH; (b) IIH. a= Uncomplexed Fe(IIl), b=
Fe(H,L)*, c = Fe(HL)?, d = Fe(H,L),>*, e = Fe(HL),", f=
Fe(HL)LY, g = FeL,™

be of particular interest. Unfortunately, attempts
to study the Fe(III)/SBH equilibria were thwarted
by precipitation problems.

At pH>3.2, the Fe(Ill) is present almost ex-
clusively as the bis-complexes for all of the ligands
studied (Figs. 2 and 3). Subsequent spectral changes
were attributed to deprotonation of the complexes.
As the pH was raised a sparingly soluble product,
presumably the neutral species Fe(HL)L®, precip-
itated. This redissolved as further base was added,
presumably as the result of the formation of Fel, .

TABLE 1. Formation constants for iron(III) complexes of PIH and its analogues determined by spectrophotometry2

Ligand log 82 log 822 log g1* log 811*
Fe(H,L)>* Fe(H,L),* Fe(HL)?* Fe(HL),*
PIH 8.93 +0.11 15.89 + 0.11 nd. 8.80 0.8
PBH nd. n.d. 188+1.6 21.8:1.9
IIH 10.43 £ 0.07 174 +1.5 7.73 £ 0.15 10.1:0.9
SIH nd. nd. 30.0 £ 2.6 32228

an.d. = not detected.
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Fig. 3. Distribution of iron(lII) complex species over pH
0-11 for [Fe(ll)] =107 M, [ligand]=10_3 M when
ligand is (a) PBH; (b) SIH. a = Fe(HL)?, b = Fe(HL),%;
c=Fe(HL)L? d = FeL, "~

The last two deprotonations were quantified by
potentiometric pH titrations, adding acid to a basified
metal--ligand mixture to minimise precipitation
problems. The pK, values were approximately
5 and 7 for all four ligands studied (Table 2). The
consistency of these values suggests that they refer
to closely related reactions in all the ligands. This
common structural feature is the —NH-N group
in the hydrazone bridge (Fig. 1) which has been
shown elsewhere [19] to be characterised by a pK,
of 10—11 in the uncomplexed ligands.

Using these pK, values (i.e. K.;, see above), the
overall formation constants of the species Fe(HL)L®

TABLE 2. Acid dissociation constants for the complex
species Fe(HL),* determined by potentiometry

Ligand pKet pKe2

PIH 5.38 £ 0.09 7.45 £ 0.09
PBH 5.2+0.3 6.8+0.5
IIH 54 :0.7 7.4 +0.7
SIH 46 +2.7 7.8+0.7

and Fe(L),” were calculated (Table 3). These data
confirm the observation noted earlier that PIH and
IIH have comparable affinities for iron(IIT} while
the affinities of PBH and SIH are considerably
greater.

The distributions of the complex species as a
function of pH and in the presence of a 1000-fold
molar excess of ligand over iron(IIT) are shown in
Figs. 2 and 3. At physiological pH (7.4), the com-
plex with PIH exists as the singly charged anion
Fel, but the other three ligands occur as a mix-
ture of this anionic species and the neutral species
Fe(HL)L®. This is consistent with the fact that the
excretion of the Fe—PIH complex occurs primarily
in bile [5].

Comparison of the metal-binding affinities of
ligands that form complexes of different stoichiom-
etries can best be achieved by calculation of their
pM (= —log[M]) values, where M is the uncom-
plexed or ‘free’ metal jon [2]. Such values for PIH
and its analogues are shown in Table 4 together
with those for the serum iron-transport protein
transferrin and three high affinity siderophores:
desferrioxamine B (currently in clinical use), thodo-
torulic acid and enterobactin [22]. The pM values
for the PIH ligands are greater than that for trans-
ferrin, indicating that these ligands are thermo-
dynamically able to mobilise transferrin-bound
iron. A kinetic barrier, however, inhibits this ex-
change process, as in the case of desferrioxamine
[23]. The rates of mobilisation of iron from trans-
ferrin by desferrioxamine and PIH are comparable

[4].

TABLE 3. Overall formation constants for iron(I1I) complexes with PIH and its analogues

Ligand log 8, log 811 log 10 log oo
Fe(HL)? Fe(HL)5 Fe(HL)LO Fely™
PIH n.d.2 24.8+0.8 29.0 + 2.0 34.0 3.0
PBH 272 +1.7 385+19 44.3+2.2 48.0+2.4
1IH 15.7+0.3 23.6 +0.9 280+1.4 30.0+ 1.8
SIH 383 +2.7 48.8+2.8 54 + 4 56 + 4

25.d. = not detected.



TABLE 4. Unbound iron concentrations at pH 7.4,
[Fe(lll)) =107 M, [L] =10 M

Compound pM23
PIH 27.7
PBH 39.7
ITH 24.5
SIH 50
Transferrin 25.6P
Desferrioxamine B 28.6P
Rhodotorulic acid 25.00
Enterobactin 37.6®

apM = — log[uncomplexed metal]. PTaken from ref. 19.

Complex Formation with Iron(II)

Potentiometric pH titration of PIH with iron(I)
(2:1 mole ratio) led to the detection of only two
species, Fe(H,L),** and Fe(HL),® with log 8,, and
log B1; values that were considerably lower than
those for the corresponding Fe(III) species (Table
5), i.e. PIH shows a strong preference for Fe(III).
This investigation was limited by the sensitivity of
the complex to oxidation and to its instability to
hydrolysis especially at high pH. This sensitivity
to oxidation has also been reported [24] for
pyridoxal--amino acid Schiff base complexes with
iron(II).

TABLE 5. Comparison of PIH formation constants with
Fe(II) and Fe(IlI)

log 822 log 11

Fe(H;L), Fe(HL),
Fe(1I) 6.98 + 0.05 12.47 £ 0.32
Fe(1ID) 15.89 + 0.11 248 +0.8

A previous report [10] of log K = 8.67 for a bis-
PIH complex with iron(I) gave no details on the
protonation of the ligand but the reported value
falls between the §;; and §,, values determined in
the present study. However, failure to take the
necessary precautions to limit oxidation of iron(II)
suggests that this undefined log K value refers to
the Fe(1IT)-PIH system.

It has been suggested [25] that PIH has a bio-
logical role as an iron(II) chelator and it is interesting
to note that the formation constants are appreciable
and significantly greater than for the metal ions
calcium(II) and magnesium(II) [26]. If Fe is released
as iron(Il) from transferrin that has been carried
inside cells then this affinity of PIH for iron(II)
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may be a significant factor in its ability to mobilise
iron from cells.
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