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The stability constants of ferric complexes with 3,4, 5, trihydroxy benzoic acid have been determined. This simple
ligand was used as model of the catechol containing iron transport compounds (siderophores) found in micro-organism
having very high stability constant values with ferric ion some time up to 10%3. The metal to ligand molar ratio is totally
pH dependent. The stepwise formation constant Kn of the iron gallate reported in this paper are defined as [MLn]/[MLn-
1][L]. Where [L] i§ the concentration of deprotonated catechol ligand. The species observed during iron gallate forma-
tion were ML, ML, and ML,. The log K values calculated for these from their spectrum are logK,=14, logK,=8.5 and
logK,=5. It shows that over all formation constant is nearly 1028,
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Introduction

Role of iron in the biochemical process is complicated as
it involves an intricate chain of reactions. Iron also becomes
toxic when in excess because of the tendency of this metal
to separate in tissues as insoluble hydroxide and phosphate at
physiological and higher pH unless bound to iron transfer
protein or to iron storage-proteins. The increased iron input
(20-25mg/day) exceeds the capacity of transferrin and ferritin,
resulting in scparation of insoluble iron in critical tissues. In
principle, this ultimately fatal condition can be trcated by
administration of an iron chelating agent which would
promote remobilization and excretion of the deposited iron
[11.

The basic requirement of an iron chelating agentisa high
and selective affinity to bind iron under physiological condi-
tions. The tripositive ferric ion is a hard acid and conscquently
is bound most strongly by hard bases. The most effective of
these are oxyanions, such as hydroxide, phenoxide, carboxyl-
ate, hydroxamate and phosphonate [2]. Coordination number
is usually six, although some seven co-ordinate complexes are
also known. Most favourable geomctry is an octahedral ar-
rangement of donor atoms, permitting the maximum possible
distance between their formal or partial negative charges.
Charge ncutralization is an important factor and is optimum
when the total charge of the six donor atoms is -3, as for the
bidentate hydroxamate and tropolonate ligands [3].

Gallic acid is a good iron chelator and form highly colou-
red complexes with different metal to chelator ratio (1 - 3) at
different pH [4]. As many as 12 possible combinations for this
complex have been suggested [S]. This complexation starts
from pH 3 and continues to pH 9. Below this (pH 3) strongly
acid condition helps gallic acid to reduce Fe(III) to Fe (II) [6].

This iron gallic acid binding results in the reduction of
iron bioavailability. On the other hand the profound insolubil-
ity of ferric hydroxide and the low equilibrium concentration
of ferric ion in biological environment are overcome by
enormous stability and ion selectivity of the complex [7].

In view of the strong affinity of the gallic acid for Fe(III),
we have undertaken a systematic study of complexation of
Fe(IIl), by gallic acid using spectrophotometric and poten-
tiometric procedures. The measurement of binding constants
will probably show the effect of this ligand and other polyphe-
nolic ligands on iron availability as well as their potential use
in the treatment of excessive iron in living system.

Another point of interest in this system is that it may be
viewed as a model of catechols type siderophores [8].

The affinity of a ligand for iron (IIT) may be defined quan-
titatively in term of the thermodynamic constants of the
equilibria involved between the aquo metal ion and ligand L.
In some cases where ligand is an acid H* competes for L with
the metal [9].

If the ligand is poly protoic acid [10] like gallic acid then
the fraction of undissociated ligand o for gallic acid is

[T
o, = o + + +
o7 [H]*+ [H'PK, +{H' K K+ [H'K K, K, + K K,K,K,
and

[A]®
0=
% CA
A solution at any pH may have M, ML, ML, and ML,. At

where o +0+0L+00 +....... +0o. =1
() 1 2 3 n

“some pH any one of these species may be negligible.

Observing the spectra of complex at each pH, € (epsilon)
values can be calculated. The fraction of ML, ML, and ML,
atcach pH can be estimated by using the equations [11,12].
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Ife_ is the molar absorptivity of solutioni.c. g _=A/Cm, g is
for the metal, g for ML, €, for ML, and €, for ML, then.

E.=E, Y tE, +ET, +E.,

If it is assumed that metal has no absorbance in visible
region then, €.y, = 0 and at any pH any one or more than one
of these terms may be equal to zero and the concentration of
the ligand may be calculated as

(CA - [ML] -2[ML,] -3[ML,})x K, K, K,. [H]

~[L] =

[H]* + [HPPK +[H)’K K,+[H]K K K. +K K K.K,

These equations and their graphical representations are
based on McBryde calculation and McBryde graph [13, 14].

Potentiometric study of the complex . Potentiometric
mcthod was used for the determination of formation constant
of the successive complexes formed between metal ion and a
ligand molccule or ion. In this connection Bjerrum calcula-
tions are very useful, which depend on finding corresponding
values of n (the degree of complex formation or the ratio of
complex bound ligand to the metal ion) and [L], the molar con-
centration of the free ligands. These are rclated to the
formation constant of the several complexes by Bjerrum
formation functions [15,16].

N
_ Inpr
n=—x——
1+ JB, [LT"

The dissociation constants of gallic acid are already
known [17,18]. (K, = 6x107, K,=3x10%, K, = 4x10"% K, =
1.5x1013)

K, K, [H] + 2K, [H']+ 3[H']
nA=

14K, [L]+ KK, [L]*+ K, K, K, [L]

[HGAl=o,x <H

(where the calculation for o, has
already been discussed). If [HGA] = [L]

K,[L] + 2K K, [L12 + 3K K K, [L]*

=1
Il

1+K[L]+ KK, [L]?+ KKK, [LP

1772773

There are so many methods to calculate stepwise forma-
tion constants and overall formation constants from the Bjer-
rum graph (n vs pL)[19].

They are highly accurate for the complexes when maxi-
mum 1 value is equal to 2, but there is no simple method for
those complexes having n equal or greater than three, like this
complex. If all the successive constants differ greatly in
magnitude the formation curve has n distinct steps and
Kn'>>Kn [20].

When n =n"'2 then approximatcly equal amount of ML,
and ML_ | will be present in solution and the contribution of
ML ,and ML ,, may be neglected. According to Bjerrum,
log Kn = pL(n"?) if K /K> or = 2.5 [21].

Experimental

Molar absorptivities of complex at different pH. In the pH
range 3-11 (with the difference of 0.5 pH units) solution were
prepared . Their spectra were recorded after 1 hr on Shimadzu
Model 160 in the range of 350-700nm. A second spectra was
recorded after 24 hr. for each solution. From the absorbance at
absorption maxima € values were determined.

Potentiometric titrations. The titration was carried out in
a double walled glass cell. Temperature was controlled by
circulating thermostated water through the jacket (capacity of
cell was75ml.). The solution was complctely sealed from the
atmosphere. The rubber stopper on the cell had holes for
microburett for the addition of standard base, for purging
inert gas and for glass electrode. pH was measured with a
combination glass electrode attached to an Orion SA model
720 pH meter having a resolution of + 0.001 pH units.

pll Titration of iron gallic acid complex: 50ml of deio-
nized and CO, free water was taken in the above mentioned
cell. 0.2 m moles of gallic acid and 0.05 m moles of ferric
nitrate were dissolved in this water. Purificd nitrogen gas was
purged through the solution for half an hour. The temperature
was controlled at 30° by means of circulating water from the
water bath. The solution was stirred on a magnetic stirrer.

1M sodium hydroxide solution was prepared and stan-
dardized by 1M standards HCI solution. To the gently stirred
acid solution of the ligand, prepared as described above,
standard base was added in sufficiently small increments
(0.05ml) to provide 50 or more cxperimental points for each
run. Equilibrium conditions, determined by a constant meter
reading falling within an interval of less than + 0.002 pH unit
was obtained for each experimental point before proceeding
with the next step.

For most system protonation and deprotonation of ligand
and complexation is rapid and complete in the time required
for mixing.

pH Titration of gallic acid . A similar titration was done
at 30° with gallic acid only. The ferric ion was replaced by
another tripositive metal (Bi) which was inert towards gallic
acid.

Results and Discussion
In the titration between complex and NaOH, changes in
curve were at different pH, showing depression in pH values
as opposed to the titration of gallic acid only. From pH 2.8
to 3.8 the difference in between two curves was approxi-
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mately 1 or nearly one. Around pH 4 it was about 2 and
above this pH, it was nearly 3. This comparison strongly
indicates the release of hydrogen ions during complexation.
(Table 1, Fig. 1).

Fe + H,GA -

Fe + 2H,GA — Fe (HGA), + 4H*

Fe + 3H,GA — Fe (HGA), + 6H*
at high pH where the ligand is in form of H,GA

Fe + 3H,GA — Fe (HGA), + 3H*

These results substantiate the deduction about stoichiom-
etry, that 1:1 complex is formed at low pH, 1:2 complex is
formed around pH 5 and above pH 7 the stoichiometry
approaches 1:3. Bjerrum calculation was based on CH, nA,n
and [L], calculated by the derived formulas and equations.
Concentration of ligand [L] or [HGA] atany pH was calcu-
lated with help of o, (Table 2).

A graph between n and p (L) was plotted (Fig.2). The
stability constant values computed from this graph at n 0.5,
L5 and 2.5 for K|, K, and K, respectively and it was found
thatlog K =~13.2log K, =~ 10.4 log K, =~ 6.5. With F the help
of these dissociation constant different fraction of M,ML,ML,
and ML, were also calculated at different pH values and
species distribution diagram was generated (Table.3, Fig.3).
This species distribution diagram showed that 1:1 complex
formation started from pH 3.5 topH 6, 1:2 from 6 to 8.5 was
found and formation of 1:3 was complete at pH 11.

In the spectrophotometric study solution of the complex
were prepared with buffers of different pH (from 3 to 8). The
spectra of these solutions were scanncd from wavelength
450nm — 700 nm. Fresh solution and aged solution (after
24 hr) both were scanned to get the absolute € values. (Table

Fe (HGA) + 2H*

TaBLE 1. pH TITRATION OF GALLIC AcCID AND COMPLEX
witH NaOH.

NaOH pH pH pH [HGA] p[HGA] nA n m
Vol. GA.Sol. Comp.Sol diff.

(ml)

0.0 34 29 05 7.3x10™ 17.14 296 0.0 4

0.1 3.8 31 0.7 -56x10". 1625- 292 0332
0.2 4.2 3.5 0.7 8.0x10' 1410 284 04 -24
0.3 4.7 39 0.8 9.0x10" 13.05 267 0.6 -1.6
0.4 59 4.1 0.8 4.4x10" 1236 256 09 -0.8
0.5 7:2 4.3 2.8 - 1:5x10"% 11.83 - 245 1.1-00
0.6 7.8 4.8 3.0 6.5x10" 10.18 220 13 038

4.4x10 936 210 1.6 1.6
4.8x10° 830 200 2.0 24
8.0x10® 7.1 199 2.4 32

Br | 22 3 -
08 : 87 60 27
09 92 66. 26

1.0 98 7.0 2.8 46x107 63 197 2.5 4.0
1" =100 72 28 12x10° 592 196 27 438
12-1 108 8.4 1.9 17x10° 477 160 29 56
1.3 105 9.6 09 10x10* 400 150 3.0 6.4

m = C,-C,/Cm,C, = cons. of base, CA = conc. of acid and Cm = conc. of metal,,
[M] = 1x107?, [GA] = 4x10% molarity of NaOH = 0.8M.

4, Fig.4). These € values were calculated at various pH and
wavelengths.

Graphs of € vs pH and € vs wavelength, were plotted
(Fig.5). Spectral properties of the complex (molar absorptivi-
tiesand A___ values) at different pH are listed in (Table.4).
Following equations were used for further calculation of [L] as
well as for [M], [ML], [ML,] and [ML,].

at pH = 3em =¢ (ML)/Cm

atpH=35¢em =¢ (ML)/Cm + £,(ML,)/Cm

atpH=7em =¢,(ML,)/Cm + £,(ML,)/Cm
and at pH =8 em = ¢, (ML,)/Cm
M] = Cm - ([ML] +{ML,]+[ML,])

[L] = CA-([ML]J+2[ML,]+3[ML,]) x
K, K, K,[H]
[HI+[HP’K,+[H’K K, +[HIK KK +K K,K,K

177273774

TABLE 2. DETERMINATION OF THE CONCENTRATION OF THE
LiGAND AT DIFFERENT pH.

pH H  K[HP KK[HP KKK[H o [
3.5 1()—14 10»14.5 10—19‘ 10—26,3 1014 10—!6
40 107 10 107 107 101t 101
4.5 10—1! 10-17.’ 10—21 1027,5 10—10 10—14
50 Cider 10 102 102 10° 10"
55 107 1025 10% 1025 10* 107
60  10% 102 10 102 107 10M
65  10% 1025 107 1055 10 10%
70 107 10 102 10% 105 10°
75 10% 1025 107 10%5  10*  10*
80 107 102 102 10° 10° 107
85  10% 1075 10% 1025 1025 1043
90 107 103 10% 102 102 10°¢
9.5 10-3! 10-31,5 10—31 10-31.5 10-1.5 105.5

TABLE 3. FRACTION OF THE COMPLEX SPECIES AT
DiFrereNT pH.

pH [M]J/Cm [ML,}/Cm [ML,)/Cm [ML,])/Cm
2.8 0.999 T3%10° 4.0x10° -

3.1 0.995 5.0x10°3 2.0x107 -

35 0.935 6.5x102 3.4x10°° -

319 0.540 0.450 3.0x103 -

4.1 0.200 0.800 2.0x10? -

43 3.2x103 0470 0.520 2.0x10°3
4.8 2.6x104 0.170 0.800 1.3x10*
5.1 6.8x10°® 3.0x10°3 0.980 1.0x102
6.0 5.0x101° 2.5x10* 0.890 0.100
6.6 1.7x101° 1.4x10* 0.820 0.170
7.0 1.0x1012 1.0x10°° 0.460 0.530
72 1.0x101? 1.0x10°¢ 0.24 0.750
84 - - 2.3x103 0.998
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TABLE 4. MOLAR ABSORPTIVITY OF Fe(GA)n AT DIFFERENT pH AND DIFFERENT WAVELENGTH.

410 420 430 440 450 460 470 480 490 500 510 520

3.5 2800 2400 2000 1800 1640 1600 1520 1480 1420 1420 1280 1240
4.0 3000 2800 2480 2240 2000 1920 1800 1720 1720 1680 1640 1640
4.5 3400 3200 2800 2600 2400 2320 2320 2280 2280 2240 2240 2240
5.0 3920 3520 3360 3200 3040 3000 2300 2800 2800 2920 2960 3000
5.5 4000 4000 4000 3800 3600 3600 3640 3680 3720 3800 3840 3880
6.0 6000 3920 3880 3840 3800 3760 3800 3840 3880 3920 3960 3960
6.5 4400 4400 3920 3760 3600 3200 3000 3200 3400 3600 3800 3920
7.0 4400 4400 3920 3600 3200 3200 3360 3440 3520 3600 3640 3680
7.5 4400 4000 3846 3520 3200 3000 3200 3440 3360 3600 3560 3520
8.0 5600 5200 4800 4400 4000 4000 4000 4000 4000 4000 3920 3846
8.5 6000 5200 4800 4400 4000 4000 4400 4400 4800 4800 4800 4800
9.0 6400 6000 5600 5200 4800 4800 4800 5200 5200 5200 5200 4800
9.5 6400 6000 5600 5200 5200 5200 5200 5200 5200 5200 5200 4800
10.0 6400 6000 5800 5600 5400 5360 5200 5200 5200 5200 4800 4800
10.5 6200 6000 5800 5600 5400 5360 5200 5200 5200 5200 4800 4800

530 540 550 560 570 580 590 600 610 620 630 640

3.5 1240 1200 1200 1200 1160 1160 1120 1080 1080 1040 1000 1000
4.0 1600 1600 1600 1560 1560 1560 1520 1520 1480 1440 1360 1280
4.5 2240 2240 2240 2200 2160 2080 2040 2000 1920 1840 1760 1680
5.0 3000 3000 3000 2960 2920 2880 2840 2800 2720 2640 2560 2480
5.5 3920 3920 3960 3920 3840 3760 3680 3600 3520 3400 3320 3200
6.0 4400 4400 4000 3960 3840 3760 3600 3600 3520 3400 3320 3200
6.5 4400 4400 4000 3920 3840 3760 3600 3560 3520 3446 3360 3280
7.0 3720 3760 3800 3760 3720 3680 3640 3520 3440 3280 3120 3000
7.5 3480 3440 3420 3360 3320 3280 3240 3200 3120 3040 2960 2880
8.0 3760 3680 3600 3400 3200 3000 2800 3000 2800 2600 2400 2200
8.5 4400 4000 3600 3400 3280 3120 2920 2800 2400 2200 2000 1800
9.0 4800 4400 4000 3800 3600 3200 2800 2600 2400 2200 1800 1400
9.5 4800 4400 4000 3800 3600 3200 2800 2400 2200 2000 1800 1600
10.0 4800 4500 4000 3800 3600 3200 2800 2400 2200 2000 1800 1400
10.5 4800 4560 4000 3800 3600 3200 2800 2400 2200 20000 1800 1400
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Fig. 1. pH Titration of ligand and complex. Fig. 2. Bjerrum graph.
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M} (ML) ML,] ML,

Fig. 5. Plot of molar absorptivity at different pH.

The conc. of [L] at different pH were calculated by these
equations. The pH and A__ were sclected by the help of the
graph between € and A___ which shows that wave length 620
from pH 3.5 and 4 is most suitable for ML, A___, 480 from
pH (8-11) for ML, and 600 for ML, (from pH 5-7.5).

After calculalting the concentration of ML, ML, and
ML, at different pH equilibrium constants were obtained by
using the simple equations;

[ML] [ML,]
and then K, = K, = and K, =
[MI[L] [ML][L] [ML,][L]
at the stage where [M]=[ML] K =1/[L], where [ML]=[ML,]
K,=1/[L] and where [ML,]=[ML,], K;=1/[L]

- After averaging the logK values, the following results
were found; log K ~ 14, log K~ 8.5, log K,~ 5 and for
protonated 1:1 complexes logK11~17.

It proves the strong affinity of iron (III) towards 3, 4, 5,
trihydroxy benzoic acid at different pH including the physio-
logical pH.

The pH titration curve also indicates bonding sites. It
shows that the coordinations are through catecholes not from
carboxylate. The pKa of carboxylic proton is around 4 and
if lone pair present on carboxylate oxygen goes to metal then
the pH of the complex solution at the starting point should be
much more less than the starting pH of gallic acid solution.
The difference in pH between these two solutions before
adding any base was found to be nearly 0.5 which is not ac-
countable. If the carboxylate group has any interaction with
iron (IIT) than complexation should be maximum near pH4 but
it does not happen like that. So it confirms that the main co-
ordinators iron (IIT) are phenolate not carboxylate that is the
reason that we can select gallic acid as a model for catechol
type siderophores.

(ML,]
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