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Chemical analysis of the original recrystallized product
showed that oven drying may be omitted if the biiodate
is washed with ethyl alcohol and air dried.

Summary

The results of this investigation show that the
solubility relations in this system are the same
over a range of temperatures as those found by
Meerburg at 30° and confirm the fact that potas-
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sium biiodate can be recrystallized safely from
aqueous solution.

In using potassium biiodate as a volumetric
standard, care should be exercised in drying the
sample. Either an alcohol-washed, air-dried
sample should be used or a sample which has been
dried sufficiently to convert the compound to the
anhydride.
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The Structure and Behavior of Ferric Tartrate and Citrate Complexes in Dilute
Solutions!

By M. BOBTELSKY AND J. JORDAN

It is hard to find a problem of complex chemis-
try which has been studied with as much stubborn-
ness as the behavior and structure of the various
metallic tartrates and citrates. This is ap-
parently due to the fact that these complexes are
met with simultaneously in various fields of the
natural sciences: analytical chemistry, both
qualitative and quantitative, makes use of these
complexes, though not to a sufficient extent; the
properties of the various tartrates and citrates,
their solubility and their behavior in the presence
of alkali seem to be well suited for the analytical
separation of metals without using hydrogen sul-
fide; oxy-complexes (especially the citrates of iron
and of the alkaline earths) are of considerable in-
terest in physiological chemistry, too.

The structure of tartrates and citrates of biva-
lent cations has been discussed in a previous
paper.!2 There, we have postulated formulas as-
suming that the organic (tartrate and citrate)
radicals occupy three coordination positions,
though some tartrates of bivalent cations have
been prepared which crystallize with two mole-
cules of water?® (thus suggesting coordination
number four for the tartrate radical). Ap-
parently, the structure of the various complexes
depends not only on the organic radical, but also
on the cation concerned. Furthermore, a re-
grouping of the radicals may occur, while the com-
plexes are neutralized by alkali.

In this paper we should like to discuss the com-
plexes of a tervalent cation: we have chosen the
ferric complexes, because they are the most im-
portant ones and are easily accessible to photo-
metric, conductometric, potentiometric and po-
larographic research. Some ‘‘thermometric titra-

(1) This paper was presented before the Division of Physical and
Inorganic Chemistry at the 110th Meeting of the American Chemical
Society, Chicago, September, 1946,
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tions’’* were also carried out by us, to confirm
results obtained by other methods.

It should be borne in mind that it is extremely
difficult to crystallize out citrate or tartrate com-
plexes of iron.5 The citrates are very soluble and
the tartrates are mostly precipitated as basic
salts.®67 Even the structure of the well-known
crystallized ‘‘green ferric citrate’” s still contro-
versial.8® And, generally, there is no finally ac-
cepted view about the structure of the ferric ci-
trate and tartrate complexes, though many papers
have been published on this subject.5~%7

Contrary to bivalent cations, tervalent iron
forms complexes not only with trisodium citrate
and disodium tartrate but even with free citric
and tartaric acid. We have found that in the
most stable complexes the molar ratio between
iron and the tartrate or citrate radicals is 2Felll:
3Cit (or 3Ta).17

Experimental

Conductometric, photometric and polarographic meas-
urements were carried out as described in the previous
paper.}

Potentiometric titrations were made with a Hellige
‘‘electron-tube-potentiometer’’ using a bright platinum
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indicator electrode and a saturated calomel reference
electrode.

pH-measurements were performed with a Beckman
pH-meter, laboratory model G, using a Beckman glass
electrode.

The temperature, at which the various measurements
were carried out, had been selected with a view to avoid
the formation of precipitates. Most satisfactory results
were obtained from conductometric titrations at 0° in
aqueous solution and at 30° in 509% ethanol. Photo-
metric measurements were made at room temperature
(20-25°). The use of a thermostat would have complicated
the technique unnecessarily.

The pH-measurements, too, were carried out at room
temperature, the potentiometric titrations at 0°.

As the ferric complexes were sensitive to light, all
experiments were carried out in darkness; filtered deep-
red light (which proved to have no action whatever upon
the solution concerned) was used occasionally.

The thermometric titrations were carried out according
to the technique described by Mayr and Fisch.!®

Results

The experimental results were mostly summed
up in graphs. The actually measured values are
plotted in continuous curves and the extrapola-
tions in dotted lines (. ....... ). With each con-
ductometric titration curve the corresponding
“theoretical curve” (calculated by the summation
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Fig. 1.—Conductimetric titration curves: (1) 1 cc.
3 N Feg(SO4)s + 49 cc. HoO + x ce. 1 M NagCi; (2) 1 ce.
3 N Fea(SO4; + 49 cc. HO + x ce. 1 M Na,T: (3) 1 cc.
1 M NasCi + 49 cc. HoO + x cc. 3 N Fey(8O04);: (4) 1 ce.
1 M Na;T 4+ 49 ce. H:O + x cc. 3 N Fez(SOy)s.

(18) C. Mayr and J. Fisch, Z. anal. Chem., T6, 418 (1929),
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of the conductivities of the various single compo-
nents, under the assumption that there was not
any interaction between them) is plotted in broken
lines (--- or -----).

Conductometric titration curves of ferric sul-
fate with sodium citrate (= trisodium citrate) and
disodium tartrate (disodium tartrate), in aqueous
solution, are plotted in Fig. 1 (curves 1 and 2).
Both these curves, as well as those of the reverse
titrations (curves 3 and 4 of Fig. 1) show breaks
at the approximate molar ratios 1 Fell:1.5Cit;
1Felll:0.8Cit; and 1Fell:1.5Ta; 1FeM:(0.7Ta.
This suggests that complexes of the composition
Fe,Cits, FesCity (?) and FeyTas, FesTa, are formed.
Analogous experiments with free citric (HsCi) and
tartaric . (HyT) acid, both in aqueous solution
(Fig. 2, curves 1 and 2) and in 509, ethanol (Fig.
2, curves 3 and 4), show that complexes of the
composition FesCit; and FesTa, are formed.!%2
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Fig. 2.—Conductimetric titration curves: (1) 1 cc.

Fes(SOy) + 49 cc. HyO 4 xce. 1 M HyCi; £ = 0°; (2) 1 cc.
3 N Fey(SO4)s + 49 ce. HyO + x cc. 1 M H,T; ¢ = 0°;
(3) 1 cc. 3 N Fey(SOy); + 24 cc. H,O + 25 ce. C,H;OH +
xce. 1 M H;Ci: £ =30°; (4) 1cc.3 N Fey(SOQy)3 + 24 cc.
H,0 4+ 25 cc. C;H;0H + xcc. 1 M H,T; ¢t = 30°,

Results of photometric measurements are plotted
in Fig. 3. The curves show the changes in the

(18a) In order to distinguish between the two different complexes
of the composition FesTa: we shall denote the one formed with
NasT:FesTas salt; and the complex formed with HaT:/FesTaz acid.
We shall distinguish between different citrate complexes, too, using
a similar notation whenever required.
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Fig. 3.—Extinction curves of aqueous solutions (filter
470; layer of 5 mm.; vol. of sol. 50 cc.): (1) mixture of
1 cc. 3 N FeplSO4)s + x ce. 1 M NapT; (2) mixture of
1 cc. 3 N Fex(S8O04); + x cc. 1T M NaCi: (3) mixture of
1 ce. 3 N Fey(S0g); + xce. 1 M H,T; (4) mixture of 1 cc.
3N Fez(SO4)3 4+ x cc. 1M H3Ci.

extinction (filter of 470 my) of aqueous ferric sul-
fate solutions, on addition of disodium tartrate,
trisodium citrate and the free acids. The curves
with disodium tartrate (1), tartaric acid (3) and
citric acid (4) show one neat break each, at the
upper limit of the extinction value. These breaks
confirm the existence of the complexes FesTas acid
and FeyCity acia, respectively, The curve with
Na,Ci (2) shows breaks corresponding to the com-
pounds FesCits saic or FesCity (?), and Fe,Cits.

Some photometric experiments were made in
order to investigate the relation between the vari-
ous complexes and their stability. Results are
plotted in Figs. 4 (tartrate) and 5 (citrate). As
curve 1 of Fig. 4 shows, FezTas st is transformed
upon addition of tartaric acid into FesTas acia.
The extinction decreases linearly until the value
of FesTajzaciqa is reached. Hence, FesTas acia 18
considerably more stable than FesTas satt.

It is worth while mentioning that the change in
pH, parallel to the transformation of FezTas sait
into FesTas acia, was found to be very small: from
2.15 to 1.90.

As shown by curve 2 of Fig. 4, the extinction of
solutions containing iron and an excess of tartaric
acid remains first unchanged on adding sodium
hydroxide; then, it gradually increases as more
and more Fe;Tas is formed. Thus, this curve
confirms photometrically the existence of the com-
plex Fe,Tas. (The shape of the curve, with the
abrupt inflexion, may be due to the cubic depend-
ence of the reaction on the concentration of di-
sodium tartrate.)

Experiments similar to those in curve 1 could
not be made with citrate, owing to the small
difference between the extinctions of FesCits acia
and FesCits st (¢f. Fig. 3, curves 2and 4). Photo-
metric measurements were carried out, however,
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Fig. 4. —Extinction curves of aqueous solutions (filter
470; layer of 5 mm.; vol. of sol. 50 cc.): (1) mixture of
1cc. 3 N Fex(S04); + 0.65cc. 1 M NaoT + xce. 1 M HeT;
(2) mixture of 1 cc. 3 N Fex(SOy)s + 5cec. 1 M HoT + x cc.
1 M NaOH.

with solutions containing iron and an excess of
citric acid to which sodium hydroxide was added
and the results are shown in Fig. 5. The curves
obtained are analogous to the corresponding curve
with tartrate (Fig. 4, curve 2), discussed above.
The existence of the complex Fe;Ta; is also con-
firmed by thermometric titrations. The corre-
sponding curve (2) is plotted in Fig. 6. Curve 1
of Fig. 6 shows an analogous thermometric titra-
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Fig. 5.—Thermometric titration curves: (1) 4 cc. 3 N

Fex(S04)s + 196 cc. HyO 4+ x ce. 1 M NagCi; (2) 4ce. 3 N
Feq:(SO4)s + 196 cc. H:O + x ce. 1 M Na,T.




Oct., 1947

tion of ferric sulfate with trisodium citrate.
There are breaks at 3[Felll]:2[Cit] and 2[Fe']:

3[Cit].
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Fig. 6.—Extinction curves of aqueous solutions (filter
470: layer of 5 mrn.; vol. of sol. 50 cc.): (1) mixture of
1ce. 3 NFey(SO4); + 2cc. 1 M HyCi + xce. 1 N NaOH:
(2) mixture of 1 cc. 3 N Fex(SO4); + 5 cc. 1 M HiCi +
% cc. 1 N NaOH.

Potentiometric titration curves show owne
inflexion each, at the ratio 2[Felll]:3[Cit] and
2[Fel']:3[Tal, _respectively. The results are
plotted in Fig. 7

It has been reported that ferric ion gives well-
defined polarographic waves in alkaline tartrate
and citrate solutions.”® We have studied the
shift of the half-wave potential with varying
amounts of trisodium citrate and of free citric and
tartaric acid. A rather irregular curve was ob-
tained by plotting the logarithms of the tri-
sodium citrate concentration against the shift of
the half wave potential. In the case of free citric
and tartaric acid the half wave potential could
not be estimated as very large diffusion currents
were obtained, probably because the hydrogen-
ion discharge could not be separated from the
ferric wave.

Discussion

The experimental results seem to indicate that
three different kinds of ferric citrate and tartrate
complexes may exist in dilute solutions. The
structures, proposed below, are based on the ratio
between iron and citrate (or tartrate) established
by various measurements and on the behavior of
the complexes. We assume that water molecules
occupy those coordination positions of the central
ferric ion which are not bound to groups of the

(19) I. M. Kolthoff and J. J. Lingane, **
N. Y., 1941, p. 227.

Polarography.” New York,
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Fig. 7.—Potentiometric titration curves: (1) 1 cc. 1 M
NasCi + 49 cc. HyO + x ce. 3 N Fep(SO4)s: (2) 1ce. 1 M

NasT + 24 cc. HyO + 25 ce. C,H:0H + x cc. 3 N Fey(SOy)s.

organic radicals. It was supposed that the degree
of dehydration of the iron nuclei depends on the
stability of the chelate complex formed, and that
in the most stable complexes, Fe,Cit; and Fe,Tas,
all the co%rdination positions are occupied by
citrate and tartrate radical, respectively.

The existence of these stable complexes, Fe,Cits
and Fe.Tas, formed in solutions containing excess
of trisodium citrate and disodium tartrate, was con-
firmed by conductometric, photometric, calori-
metric and potentiometric measurements. They
do not show the usual reactions of the ferric ion
(e.g. thiocyanate). Their SO].thlOI'lS are of greenish
color and it is of interest that the “green trisodium
ferricitrate” NasFe,Cits, prepared by Belloni,?
is anhydrous. The most simple formulas, con-
sistent with all the experimental facts, are

CI:OO COO 00CT -
CH2 CH2 H2C
| OH OH \ HO |
C< FeTII C< F IIT >C
| MO0 COO OOC |
CI:HZ H2(f '
CO0 COO 00oC
I
(Citrate)
COO COO

i ! OOCI:
CH A /

i o\\Fén/ ?HOH Np o HOHE
?H?ﬁ;# ‘\$H0H/’ ka?H%
Co0 Co0 00C

II (Tartrate)
The molar extinction of the citrate complex is
much smaller than that of the corresponding tar-
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trate, This is probably due to the linkage be-
tween the central ferric ion and the third car-
boxylic group of the citrate radical.

Another type of complexes is apparently formed
with disodium tartrate and trisodium citrate in
solutions containing an excess of iron. The tar-
trate complex has the composition 3 Fe/2 Ta
(= “FesTazsat’’). The existence of an analogous
FesCits sac complex was confirmed by thermo-
metric measurements and possibly also by photo-
metric experiments: Both the tartrate and citrate
compleges have probably similar molar extinc-
tions (¢f. Fig. 3, curves 1 and 2; extinction value
for the citrate complex is extrapolated). These
are much larger than those of FesTas acia and
FesCits aciq, complexes formed in solutions contain-
ing free citric and tartaric acid. The stability of
FesTas sait and FesCity sare (see Figs. 4 and 5) is
much smaller than of Fe;Tas acia and FesCits acia.
(The considerable stability of the latter is also
shown by the neat breaks in photometric curves 3
and 4 of Fig. 3.) Notwithstanding this, the
usual reactions of the ferric ion are obtained with
all these complexes.

For FesCits gatc and FesTas a1, formed with #74-
sodium citrate and disodium tartrate, we propose
the formulas
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The complexes with the free acids, Fe,Cits acia
and FesTay acia have equal molar extinctions.
Assuming that their configuration is identical and
that the ferric nuclei are bound to similar groups,
we propose the formulas V and VI.

The remarkable increase of conductivity (¢f.
Fig. 2), as compared with the calculated one
(about 2009%.), which is observed during the for-
mation of the complexes V and VI, suggests con-
siderable dissociation of hydrogen ions.

Acknowledgment.—The authors wish to thank
Mr. M. P. Seinfeld for carrying out the ther-
mometric titrations reported in this paper.

Summary

1. Ferric citrate and tartrate complexes,
formed in dilute solutions, have been studied by
photometric, conductometric, potentiometric, po-
larographic and calorimetric methods. The re-
spective citrate and tartrate complexes are of
analogous behavior.

2. Trisodium citrate and disodium tartrate
form complexes, in which the molar ratio between
iron and citrate (or tartrate) is 2:3. It is assumed
that, in these complexes, the central ferric cations
are anhydrous, i.e., all their codrdination valences
are saturated with the

r CH,—COO C —-COO +s :
~ [ OH N chelate radicals.

(I1,0)s T—L Fe$— C< /Fem‘—‘ C< >‘Fem§: (H:0)4 3. Insolutions con-
i s CI:HCOC(:)OO (g%) CHCOgOO tamin;lg exce;ls iron
= zv2 T some less stable com-
J1I lexes are formed with
(Citrate) Erisodium citrate and
3 CI:OO OOCI: 5% disodium tartrate. In these
complexes the molar ratio is
o3 peng—| O Npang—| T [N panE o), | alFel]: (n — 1)[citrate] and
CHOH |/ 7=, HOHC |7 < 3[Felll]: 2[tartrate]. Their
i (H:0)2 ferric nuclei are supposed to
- coo 00C be hydrated. They are easily
(TaIrYrate) transformed into the more
stable complexes mentioned
These complexes should be hydrated. in paragraph 2 above, by addition of more citrate

Actually, a highly hydrated compound of approxi-
mately the same composition as III, FesCi,
(OH)2'8H:0, has been isolated and analyzed by
Belloni.! (Conductometric experiments with tri-
sodium citrate—shown in Fig. 1—suggest a com-
pound FesCitycair; this, as well as FesCits saic
may be represented by the general formula
|Fe,Cin—1]®+ and they differ from each other only
by the value of #%.)

or tartrate,

4. Free citric and tartaric acid form complexes
in which the molar ratio between ferric iron and
organic radical is 3:2, The molar extinctions of
both the citric and tartaric complexes are identical.
In these complexes, too, the ferric nuclei are sup-
posed to be hydrated.

5. TFor all complexes structural formulas are
proposed.

COO OOCI: 5+ CI:OO OOCI: 5+

HOOC-HzC-COH\x //HOC-CHg-COOH CHOH\ /HOHC

[Felll (H,0)4]s i [ FellI(H,0)4]s |

CH. H,C CIIHOH HOHC

i |

CcO 00C CO0 00C

v Vi
(Citrate) (Tartrate)
(20) *Ci"" is use to denote the ion: COOCH.C(OH)COOCH:-
Co0o---. JERUSALEM, PALESTINE REecEIvED Mav 10, 1947



