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then,
considerable and continuing
effort has been directed
toward determining
whether the sites are structurally
and
functionally
equivalent, and whether the binding of metal
ions in general, and iron in particular, is subject to cooperative
interactions. In the first quantitative studies of Cu2+ and Fe3+
binding to conalbumin
(ovotransferrin),
Warner and Weber
suggested that a strongly positive cooperativity obtained, so
that the binding of these ions occurred in essentially pairwise
manner (4). Then, Aasa et al. presented equilibrium
dialysis
measurements indicating that the Fe3+-binding sites of human
serum transferrin were essentially equivalent and independent, implying that binding took place in random fashion (5).
A number of electrophoretic,
electrofocusing,
and spectroscopic studies in support of this view were subsequently
reported (6, 7). Most recently, Evans and Holbrook (8), Williams and Evans (9), and Donovan (10) have independently
suggested that the sites of ovotransferrin
and serum transferrin are inequivalent
in their iron-binding
properties, with
iron bound sequentially rather than simultaneously
or randomly. Which of these views is correct remains a troubling
but critical problem in the chemistry and physiology of transferrin
Recently, Makey and Seal reported separation of two monoferric forms of human transferrin by electrophoresis in polyacrylamide gel containing
6 M urea (11). In principle, this
makes it possible to quantitate the average occupancy of each
site of transferrin when the protein is less than fully saturated
with iron. We have therefore undertaken to correlate equilibrium dialysis studies of the binding of iron to transferrin with
electrophoretic
analysis of individual
site occupancies. By so
doing, we have attempted to estimate the intrinsic site constants as well as the stoichiometric
(thermodynamic)
constants for the binding of iron to transferrin
(12). Using the
approach of Makey and Seal we have also been able to
distinguish between the thermodynamic
and kinetic accessibility of the two sites of transferrin when presented with Fe3+
in a variety of chemical forms. On this basis, a spectroscopic
difference between iron-occupied sites under relatively physiologic conditions has been detected.

were first
recognized
as a class of twoproteins
some 25 years
ago (l-3).
Since
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Stoichiometric
or thermodynamic
equilibrium
constants
for the binding of Fe3+ to transferrin
were evaluated by the
method of equilibrium
dialysis using citrate as a competing
complexing
agent, near pH 6.7 and near pH 7.4. In each
case K, was substantially
greater than K,, the effect being
more marked at lower pH. These overall stability constants
for the binding of iron, which take account of the participation of bicarbonate
and protons in the reactions of binding, decrease with increasing
pH. This may reflect the
influence of the protein’s negative charge, which increases
with pH, on the critical role of the anion in metal binding.
However, at any pH and pC0, apparent stability constants
may be defined, and these increase with increasing pH as a
result of the inverse dependence of iron binding on the
fourth power of the hydrogen ion concentration.
At pH 7.4
and atmospheric pCOp, the apparent stability constants K',
and K’, are 4.7 x 1W M-’ and 2.4 x 1Oly M-‘, respectively.
Using the urea gel electrophoresis
method of Makey and
Seal (Makey, D. G., and Seal, U. S. (1976) Biochim. Biophys.
Acta 453,250~256), relative concentrations
of the two species
of monoferric
transferrin
were measured in each preparation at equilibrium.
This made it possible to estimate the
four intrinsic
site constants for the binding of iron to
transferrin.
A slight negative cooperativity
was evident in
the binding of iron to each site.
Although one site, designated the a-site, is more strongly
binding than the b-site, it is not necessarily more accessible
to all complexes of iron. Thus, iron as ferric citrate, ferric
oxalate, ferrous ammonium sulfate and ferric chloride preferentially occupy the b-site when presented to transferrin
under conditions
in which an equilibrium
distribution
of
iron between the binding sites of the protein would not be
expected. Iron as ferric nitrilotriacetate,
however, is directed toward the a-site. This is also the site which retains
iron at low pH.
On the basis of these observations single site transferrins
were prepared, and a difference in their EPR spectra was
demonstrated
under near physiologic conditions.

sited

for publication,
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Materials-

PROCEDURES

Human serum transferrin

was isolated from Cohn

Fraction
IV-7 as previously
described
(6). Apotransferrin
was obtained by dialysis of the iron-bearing
protein against two changes of
0.1 M citrate,
0.1 M acetate buffer,
pH 4.5, and two changes of
distilled
water.
Protein
preparations
were rendered
free of extra-
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neous chelating
agents by dialysis
against
two changes of 0.1 M
sodium perchlorate
(13) followed by three changes of distilled
water.
Ferric chelate complexes
were prepared
from standard
solutions
of iron wire dissolved in 0.5 N HCl. The citrate and oxalate complexes
had a ratio of metal to chelate of 1:4, while that of the nitrilotriacetate complex was 1:2. The pH of all complexes was brought
to 4.0 by
dropwise
addition,
with continual
stirring,
of 1 N sodium hydroxide.
Other reagents
were analytical
grade, and doubly distilled
water
was used for all experiments.
All buffers
were extracted
with
dithizone
in carbon tetrachloride
(0.7 mg/lOO ml) to minimize
contaminating
metal ions, then washed with pure solvent to remove
remaining
traces of dithizone,
and finally briefly
boiled to drive off
residual solvent.
Equilibrium
Dialysis-Because
of the hydrolytic
tendencies
of
Fe3+ and the low solubility
of ferric hydroxide
complexes
(141, a
competing
chelating
agent must be used to measure
the specific
binding of iron to transferrin
(5). The ideal agent should provide a
useful range of Fe3+ activity,
should be kinetically
active in exchanging Fe3+ with transferrin,
and should not compete successfully
with
ambient bicarbonate
in satisfying
the anion-binding
requirement
of
transferrin.
Citrate
meets these requirements.
Attempts
to use
nitrilotriacetate
as a competing
iron-binding
agent were not satisfactory.
This agent readily
occupies the anion-binding
site of transferrin
(15)
so that
substantial
amounts
of the
ternary
Fe3+. transferrin.
nitrilotriacetate
complex
were identified
by EPR
spectroscopy
when transferrin
was dialyzed against nitrilotriacetate
in sufficient
concentration
to produce a satisfactory
distribution
of
Fez+ between buffer and protein.
Equilibrium
dialysis
measurements
were carried out at 25 +- 0.5”
following
the procedures
of Aasa et al. (5). To maintain
constant
ionic strength
the citrate concentration
was held fixed for all cells
in a series of experiments,
with the desired variation
in the average
number of ferric ions bound to transferrin
achieved by adjusting
the
total concentration
of Fez+ in each cell (16). Experiments
at pH 7.4
were done in the presence of 0.01 M 4-(Z-hydroxyethyl)-l-piperazineethanesulfonic
acid in order to minimize
drifts in pH which were
otherwise
observed.
All cells contained
0.1 M sodium nitrate
since
this is the medium in which stability
constants
for the ferric citrate
complexes have been estimated
(17, 18).
Two maneuvers
assured
that equilibrium
had indeed
been
achieved in the dialysis studies. First, cells were counted at intervals
of not less than 5 days, to assure that the average number
of ferric
ions bound to transferrin
was constant.
Then, iron was added to the
protein side of one of a pair of duplicate
cells and to the non-protein
side of the other. The binding
of iron was identical
in each. As
reported
by Aasa et al., about 5 days were sufficient
to reach
equilibrium
(51, and 9 or 10 days were allowed in our experiments.
Binding
Equations-In
previous
work (4, 5, 16), the following
equations
were considered
in calculating
the concentration
of ferric
ion in equilibrium
with citrate:
(1)
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Following
Warner
and Weber (17) log K, is taken as 3.64, log K, as
9.46, and log K, as -5.82. The value ofK, is less certain.
From the
spectrophotometric
titration
data presented
by Spiro et al. (181,
which we have confirmed,
the concentrations
of ferric monocitrate
and ferric dicitrate
are equal at a pH near 7.7 when [Fe] = 0.001 M
and [Cl = 0.031 M. This leads to a value for log K, of -6.17 which
we have used in our studies,
The formation
of the ferric citrate dimer described by Timberlake
(19) has not been included
in these calculations
since it leads to an
intractable
equation
for [Fe3+l. At the highest
concentrations
of
ferric citrate in our experiments
it can be shown that less than 5%
of the ferric citrate dimerizes,
so omission of Timberlake
dimerization should have negligible
consequences
in our analysis of data.
The binding
of each ferric ion to transferrin
is accompanied
by
the release of three protons
and the binding
of an anion derived
from carbonic
acid (5). Whether
the protons
are liberated
from
protein ligands or from hydrolysis
of iron, and whether
the anion is
carbonate
or bicarbonate,
are not entirely
clear. Since the net
negative
charge on the protein
has been shown, by hydrogen
ion
titration
studies, to increase one unit for each ferric ion bound (4,
201, the phenomenological
equations
(Equations
8a and 8b) should
be valid in any case.’ Equations
8a and 8b (see below) represent
the overall reactions of binding,
and are not intended to imply anything about the specific mechanisms
of iron exchange
between
citrate and transferrin.

of

3+ *transferrin.HC03)
n-1]

n-1

+ 3H

+

[H+] 3

[Fe3+][transferrinn][HC03-]

[Fe3+][(Fe3+

for forma-

[H+][Fe(Ci0)25-]
+ H+;

sFe(CiO)2'-

concentration

[HCi(OH)2-]

found

Combining
these equations
leads to the following
formulation
for
the concentration
of free aquated ferric ion in terms of the experimentally
determined
values of [Cl, [tl, and lH+l:

+ HCO 3- e

( (Fe3+)

[((Fe3+)2-transferrin.(HC03)2)n-2][H+]3
=

citrate
=

and the total
(6)

.transferrin.HC03)

+ Fe3+ *transferrin*HC03

x2

+ Ci(OW3-

Spiro et al. have
complex (18):

’ Should the anion derived from carbonic acid bind as carbonate,
rather
than bicarbonate,
the shape of our results in the graphical
presentations,
and our interpretation
of them, would not be affected.
However,
the numerical
values of the overall equilibrium
constants
would change by a factor equal to the ratio of [HCO,-I
to [CO,‘-]
in
equilibrium
with the protein. The effective
equilibrium
constants
of
Table III would remain unchanged.

[FeCiO-][!I+]
[Fe3+

these studies, however,
tion of a ferric dicitrate
(4)
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In these formulations
K, and K2 are stoichiometric
or thermodynamic association
constants
(12). A two-sited
protein-like
transferrin, however,
must have four intrinsic
or site constants
(12), any
three of which may be taken as independent,
as in Scheme 1. The
subscripts
a and b denote binding
to the distinguishable
a- or bsites of the protein,
so that k,, is the site constant for binding to site
a when site b is empty and k,, is the a-site constant
when site b is
occupied. The relations
given in Equations
9a to 9d then hold:
(98)

k$ = tclI,

(9b)

g2-l

(9c)

Ir,,

kpb

Similar
expressions
apply to the intrinsic
site constants.
For the
calculations
of the intrinsic
site constants
from Equations
9a to 9d,
the relative
concentrations
of the two monoferric
forms of transferrin
in each preparation
at equilibrium
must be known.
These were
estimated
from the urea-gel
electrophoresis
patterns
of the protein
compartments
of the equilibrium
dialysis cells (Table I).
Electrophoresis
- Electrophoresis
in polyacrylamide
gels containing 6 M urea was modeled on the methods of Makey
and Seal (ll),
using a homemade
verticle slab gel apparatus,
with slabs measuring
3 x 110 x 135 mm. The solution
of acrylamide
and bisacrylamide
used for preparing
the gels were passed through
a column of mixed
bed ion exchange
before polymerization.
In order
to minimize
disturbances
of the pH-dependent
equilibria
in the binding
of iron
to transferrin,
the gels for each series were cast and initially
run in
a Tris/acetate/urea
buffer at the pH of that series. After 1 h to allow
separation
of ferric citrate complexes
from the protein,
the buffer in
the electrode vessels was changed to 0.089 M Tris, 0.089 M borate, 6
M urea at pH 8.4. Electrophoresis
was then continued
for an
additional
4 h. To reduce the possibility
of chelate-promoted
redistribution
of iron among transferrin’s
binding
sites, EDTA used by
Makey
and Seal (11) was omitted
from the electrophoresis
buffers.
Slabs were stained with amido black and the relative
proportions
of
apotransferrin,
each monoferric
transferrin,
and diferric transferrin
were estimated
by densitometry
at 551 nm with a home-built
apparatus.
The average number of metal ions bound per molecule of
transferrin
(Tables I and II), i, were obtained
from the expression
(Equation
11) below.
Computer
Programs
-Computer
programs
for calculating
equilibrium and site constants
were written
in APL and executed
on an
IBM 370/155 computer.

+ Klb

= i&-l

+ t~,,-l

= klb

kza

The stoichiometric
constants
K, and K, were calculated
by the
methods of Aasa et al. (5).
As pointed
out by Aasa et al. (5), the overall
thermodynamic
constants
K, and K, may be related
to apparent
or effective
constants, designated
by primes,
when pH and pC0, are held fixed,
according
to the following
equations:

(lob)

1;;

=

[HC03-l

~

[H+13

(HC03)2

K2

RESULTS

Equilibrium
Dialysis Studies -The
results
of equilibrium
dialysis studies near pH 6.7 are shown in Fig. 1 and Table I.
(11)

[Fe,’ transferrin]

; =

[Apotransferrin]

+ [F%.transferrin]

+ [Fe;transferrin]

+ [Feb’transferrin]

Equilibrium
binding
of Fe 3+ to transferrin
near pH 6.7
was 3.83 x 1O-5 M, and that of citrate was 0.0015 M, in all cells

of transferrin
Total

+ [Fe2’transferrin].

I

TABLE

The concentration

+ 2[Fe2’transferrin]

Average

[Fe3+l at equilibrium

Experiment

PH
Protein

Buffer

Equilibrium
dy&

number
of Fe?+ boundlmolecule of transfertin
di-

Urea-gel

electrophoresis

-log

[Fe++a” I

M

PM

0.160
0.493
0.821
1.71
5.25
14.95
23.78
25.67
44.39

9.25

16.04
23.93
32.29
44.29
59.17

72.57
83.75
104.0
’ - , experiment
b Mean -c SD.

omitted

from

K, CR = 0.03)

6.70
6.74
6.68
6.73
6.71
6.72
6.76
6.87
6.90

Fig. 2 for sake of clarity.

0.24
0.40
0.60
0.80
1.03
1.17
1.30
1.55
1.61

0.24
0.40
0.62
0.76
0.97
1.03
1.05
1.44
1.54

20.08
19.62
19.34
19.07
18.55
18.12
17.96
18.05
17.83

5430
3090
5600
4570
6700
6020
5260
6330
3730
5192 f 11956
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TABLE

Equilibrium
The concentration

of transferrin
Total

[FG’I

binding

was 3.83 x 10m5 M. and that

at equilibrium

Experiment

PH
Protein

of Fe=+

BUffW

of Transferrin

II

to transferrin

of citrate

near

di-

pH 7.4,25”

was 0.03 M. in all cells.

Average
number
of Fe3+ bound/
molecule
of transferrin
Equilibrium
alysis

1933

Urea-gel
electrophoresis

-log

[Fe,: I

[Fe,

transferrinl

[Fe,. transferrinl

M

ILM
A

22.9

B
C
D
E
F
G

38.7
71.8
100.7
126.8
175.1
250.3

a Mean

K, (R = 0.2)

6.56
13.9
33.9
55.6
78.0
120.9
187.5

7.38
7.37
7.40
7.40
7.40
7.43
7.56

0.43
0.65
1.00
1.20
1.27
1.46
1.71

0.59

0.83
1.38
1.44
1.44
1.67
1.59

20.65
20.31
19.96
19.76
19.60
19.45
19.44

0.13
0.10
0.17
0.15
0.16
0.21
0.28
0.17 f 0.06”

98

108
115
128
120
117
93

111 A 12’

k S.D

In the graphical
displays each curve represents a single
experiment in which the derived value of k, is plotted as a
function of the assumed value of the parameter R , following
the computational
procedures of Aasa et al. (5). The parameter
R is specified by the relationship

(12)

lC2 =

l/4

R ICI

where i/4 is the statistical factor for a two-sited protein. Since
R is unity when the site binding constants are intrinsically
equal and independent,
a value of R much less than 1
indicates sequential binding, while a value much larger than
1 would suggest pairwise binding. For the series near pH 6.7
shown in Fig. 1 the “best” value of R, as determined by the
method of least squares, is 0.03, with a possible range of 0.01
to 0.3. Taking the value of R as 0.03, and the numerical data
of Table I, the thermodynamic
binding constants presented in
Table III are obtained.
Since the strength of binding of iron by transferrin increases
so rapidly with pH (Equations
10a and lob), experiments
near pH 7.4 had to be carried out at much higher citrate
concentrations
than those at pH 6.7 to 6.8. Accordingly,
a
citrate concentration of 0.03 M was chosen for experiments at
the higher pH, with results displayed in Fig. 2. In this series
of experiments the “best” value of R was near 0.2, from which
the thermodynamic
constants presented in Table III are calculated. From inspection of Fig. 2, R might be as little as 0.05
or as great as 0.5.
Estimation
of Intrinsic
Site Constants-After
confirming
the finding of Makey and Seal that two species with intermediate mobilities, as well as apotransferrin
and diferric transferrin, are resolvable by electrophoresis
in polyacrylamide
gels containing 6 M urea (ll), experiments were undertaken
to determine
whether the distribution
of iron among the
binding sites of transfer-r-in is preserved during the electrophoretie procedures. Results of these studies are shown in Fig. 3.
Mixtures of apotransferrin
and differic transferrin yield only
bands corresponding
to the iron-free and iron-saturated
proteins, at pH 6.8 and pH 7.4. Had redistribution
of iron
occurred, then new components with intermediate
mobilities
corresponding to monoferric transfer-r-ins should been detected.
Because of the known ability of citrate to mediate exchange
of iron among the binding sites of transfer-i-in (21), an additional control experiment was needed. A mixture of apotransferrin and diferric transferrin was made 0.03 M in citrate at
pH 7.4, or 0.0015 M in citrate
at pH 6.8, and taken for
electrophoresis on urea gel. Again, virtually no new monofer-

LOG K

R

FIG. 1. Equilibrium
dialysis
studies of the binding
of iron to
transferrin
near pH 6.7, with 0.0015 M citrate as a competing
complexing agent. Each curve shows the calculated
dependence
of K, on
the parameter
R for a single experiment.
Curves are labeled as in
Table I. Arrow
designates
the “best” value of R for the entire set of
curves, calculated
by the method of least squares.

ric transferrin band could be detected. Thus, the time required
for citrate to promote redistribution
of iron among binding
sites is long compared to the time needed for electrophoretic
separation. We feel, therefore, that the relative concentration
of transferrin species revealed by electrophoresis in urea gels
is an indicator of their concentrations at equilibrium.
Relative concentrations
of the two monoferric transferrin
species in transferrin preparations in equilibrium
with ferric
citrate complexes, as determined by urea gel electrophoresis,
are presented in Tables I and II. In these tables, the slowermoving species has been designated Fe,. transferrin,
while
the faster is designated Fe,.transferrin.
Also presented are
the average number of ferric ions bound per molecule of
transferrin,
as calculated from the distribution
of iron in
equilibrium
dialysis experiments and from the urea-gel electrophoresis patterns. The extent of agreement between these
values affords some indication of the reliability of the electrophoretic procedures for estimating the relative concentrations
of apo-, monoferric, and diferric transferrin species.

1934
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‘%ffectiue”
Values
PH

were

calculated
K’l

from

Equations
k’,.
M-1
2.9 x 10’9-3.0

M-1

6.7

3.0 x 10’9

7.4

4.7 x 1020

a Calculated

from

thermodynamic

and site constants

9a to 9d, using

values

x lo190

cl.4

4.0 x 1020
estimated

lower

limit

III
for binding

of iron

to transferrin

of R, K,, and K, from Tables
k’,b
K’2
M-1
M-1
x 10’80
2.3 x 10”

6.8 x 10’9

of detectability

of Transferrin

2.4 x lO’$

of Fe-transferrin

by urea-gel

G

b

in air at 25”

I and II; pC0, = 3.6 x 10-d atm.
k’,.
k’za
M-1
M-1
24.8 x 1018”
~2.4 x 10””
1.6 x 10zO

2.8 x 1Ol9

electrophoresis.

c

d

LOG

A
-I
t
/
001

/
.Ol

I
01

I
I

I
IO

I
100

I
1000

R

FIG. 2. Equilibrium
dialysis
studies of the binding
of iron to
transferrin
near pH 7.4, with 0.03 M citrate as a competing
complexing agent. Curves are labeled as in Table II. Arrow
designates
the
“best” value of R .

From the thermodynamic
binding constants obtained from
equilibrium
dialysis data, and the relative concentrations of
the two monoferric species revealed by urea-gel electrophoresis, the “effective” thermodynamic
and site constants presented in Table III were calculated from Equations 10a and
lob. The assumption was made that the pCOz of the preparations is that of air, 3.6 x 1O-4 (5). In view of the precautions
taken to assure that equilibrium
had been achieved in the
dialysis cells, as outlined under “Experimental
Procedures,”
this assumption seems justified.
No band corresponding to Fe, *transferrin could be detected
in preparations at equilibrium
with Fe3+ and citrate at pH 6.7
to 6.8. We estimate that Fe,. transferrin
amounting
to as
little as 5% of Fe,. transferrin
would have been apparent in
the urea gel electrophoresis
patterns, so that we have set a
corresponding upper limit on the values of the b-site constants
in Table III. That Fe,. transferrin is observable at pH 6.8 was
established by an experiment
(not shown) in which ferrous
ammonium sulfate was added to apotransferrin
at pH 6.8 to
achieve 30 and 70% saturation with iron. On urea gel electrophoresis the predominant
species in each case was Fe, *transferrin.
Relative Kinetic Accessibilities
of Two Sites -When
iron
binds to transferrin in the presence of excess bicarbonate and
in the absence of significant concentrations of chelating agents
to mediate site-site exchange, then the metal is effectively
locked into its initial binding site by the tightness of binding

B

FIG. 3. Urea-gel
electrophoresis
of transferrin.
A, at pH 7.4: a,
apotransferrin;
b, diferric transferrin;
c, 1:l mixture
of a +b; d, c +
0.03 M citrate. B, at pH 6.7: a, apotransferrin;
b, diferric transferrin;
c, 1:l mixture
of a + b; d, c + 0.0015 M citrate.

(21). Under such circumstances an equilibrium
distribution
of
iron between the two binding sites would not be attained over
the time course required for most studies of the chemical and
biological properties of the protein. We have therefore utilized
the urea gel electrophoresis
technique to study the relative
accessibility of each site to various complexes of iron which
have been employed to label the protein for a variety of
previous studies, with results shown in Fig. 4.
If iron as its complex with nitrilotriacetate
is presented to
transferrin at pH 7.4 and 0.027 M bicarbonate the a-site of the
protein is preferentially
occupied, the ratio of Fe,. transferrin
to Fe,.transferrin
being 6:l at 30% saturation and 16:l at 70%
saturation. In contrast, iron as ferric citrate, ferric oxalate,
ferrous ammonium sulfate or ferric chloride is directed initially toward the b-site of the protein, with a ratio of
Fe,. transferrin to Fe, *transferrin ranging from 5 to 1O:l. On
standing, however, equilibrium
is slowly approached over
several days in preparations
with an iron-complexing
agent
to mediate exchange of Fe3’ among binding sites, and the
occupancy of the a-site gradually increases while the occupancy of the b-site falls (experiment not shown).
The site preferentially
attacked at pH 7.4 by ferric ion from
nitrilotriacetate
is almost exclusively occupied when monoferric transferrin
is prepared at pH 5.75 by the method of
Princiotto and Zapolski (22). Thus, the a-site in our designation is the low pH binding site demonstrated by these investigators. The proteolytic
digestion studies of ovotransferrin
recently reported by Williams and Evans (9) suggest that this
site is located in the NH,-terminal
region of the protein.
EPR Spectra of Single-Site
Fe3+.Transferrins
- On the
basis of the foregoing observations, essentially
single-site
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is much more appreciable
in Fe, .transferrin
than in
Fe,, . transferrin.
The two sites of human serum transferrin,
therefore, are spectroscopically distinguishable
when occupied
by iron at near-physiologic
conditions, in accord with Aasa’s
predictions.
DISCUSSION

FIG. 4. Urea gel electrophoresis of transferrin at 70% (1) and
30% (2) saturation with iron added as: a, ferric nitrilotriacetate; b,
ferric oxalate; c, ferric citrate; d, ferric chloride; e, ferrous ammonium sulfate.
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FIG. 5. EPR spectra of monoferric transferrin. In each case the
buffer was 0.2 M KCl, 0.1 M 4-(2-hydroxvmethyl)-l-piperazineethanesulfonic acid, 0.05 M KHCO,, PH 7;5. Mi&owave Power, 10
milliwatts; modulation 10 G; microwave frequency 9.114 GHz; temperature 77 K. A, predominantly Fe; transferrin prepared from
ferric nitrilotriacetate. B, predominantly Fe,. transferrin prepared
from ferric oxalate. Gain increased 6 times in low field insets.
Fe, * transferrin and Fe, *transferrin were prepared. To assure
that the anion-binding
site of the protein was occupied in
each case by bicarbonate
(or carbonate), the preparations
were made 0.05 M in KHC03. They were examined by EPR
spectroscopy to determine whether the sites were distinguishable as Aasa predicted (23), with results shown in Fig. 5.
Monoferric transferrin
prepared from ferric nitrilotriacetate,
Fe,. transferrin,
shows a spectrum with distinctly broader
lines and a separation of peaks (due to turning points along
principle axes of the zero-field tensor) which is 8 G wider
than that in Fe,.transferrin
prepared from ferric oxalate.
Furthermore,
the splitting of the low field line near g’ = 9,
which presumably reflects the dual origin of this signal from
highest and lowest Kramers’ doublets of the spin 5/2 manifold,

Stoichiometric
Constants for Binding Iron to Transferrin Although
our equilibrium
dialysis studies are patterned
after those of Aasa et al. (5), our results are not in accord
with theirs. We find that K,, the stoichiometric constant for
the binding of the first Fe3+ to transfer&,
is appreciably
greater than K,, near pH 6.7 as well as near pH 7.4. In
contrast, Aasa et al. found the stoichiometric
constants to be
very nearly equal for binding in the pH range 6.35 to 6.70,
when corrected for the statistical factor for a two-sited protein.
A possible explanation
for the differing results is that our
studies were carried out at constant citrate concentration,
and therefore constant ionic strength. The desired variation
in the average number of ferric ions bound per molecule of
transferrin was then achieved by varying total Fe3+ present
in each cell. In the experiments of Aasa et al. total Fe3+ was
held fixed, while the concentration
of citrate was varied to
achieve a distribution
in the average number of Fe3+ ions
bound to transferrin.
Furthermore,
the pH in their studies
ranged from 6.35 to 6.70, while the range in ours was 6.68 to
6.90. Whether these differences account for the discrepancies
in results remains to be seen. It may be noted, however, that
our finding that at pH 6.7 the binding of the first Fe3+ to
transferrin
is much stronger than the binding of the second
Fe3+ is in accord with the observation of Frinciotto
and
Zapolski that only one site is resistant to iron removal by an
ion exchange resin at low pH (22).
The overall stability constants, K, and K, of Equations 8a
to 8d, show a rather surprising
decrease as pH increases
(Tables I and II). This may reflect the critical role of the
bicarbonate anion in the binding of iron by transfer&,
with
anion binding destabilized
as the net negative charge of
transferrin
increases with pH. Because three protons are
released for each iron bound, and one from the ionization of
carbonic acid to form bicarbonate, there is an inverse fourth
power dependence on hydrogen ion concentration of the apparent stability constants, designated by primes (Table III).
Thus, the strength of binding of iron by transferrin is more
than 1 order of magnitude greater near pH 7.4 than near pH
6.7 despite the 50-fold fall in overall equilibrium
constants.
Since the bicarbonate concentration
of blood is about 100
times that of an isohydric solution at the pC0, of air, the
effective stability constants of transferrin in blood are correspondingly greater than those given in Table III. It is interesting that even in blood the binding of iron to transferrin
should be weaker than to desferrioxamine,
a microbial ironbinding agent often used in clinical medicine (24).
In our calculations
we have made use of an additional
equilibrium
in the formation of ferric citrate complexes involving the ferric dicitrate species demonstrated by Spiro et al.
(18). Inclusion of this equilibrium
in the calculation of free
Fe3,: in equilibrium
with citrate and transferrin in the dialysis
studies does not appreciably alter the general shape of the
curves shown in Figs. 1 and 2, or the value of R derived from
them. In the pH range 7.37 to 7.56, however, inclusion of
dicitrate complex formation increases the calculated value of
K, about 50%. Only a negligible influence is obtained in the
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pH region 6.68 to 6.90, which is well below the pK of dicitrate
complex formation, 7.7.
The reliability
of the equilibrium
constants reported in
Table III depends, of course, on the accuracy and completeness
of the equilibrium
constants involved in the formation of
ferric citrate complexes. We have utilized the latest data
compiled by Sillen and Mar-tell (25, 26). No additions or
corrections to these were found in a review of the recent
literature. Still, the solution chemistry of Fe3+ is complex and
only incompletely understood, so that the numerical values
we offer may have to be revised should new equilibria
in the
formation of ferric citrate complexes be discovered.
The apparent disagreement
between our present results
and conclusions from earlier electrophoretic
studies from this
laboratory (6) and elsewhere (7) deserves comment. As recognized by Evans and Hollbrook (B), the Tiselius electrophoresis
patterns of transferrin at varying saturation with iron show
little diferric transferrin before apotransferrin
has been consumed. This is more consistent with K, > K, than with our
previous assumption of equivalent and noninteracting
sites.
More importantly,
perhaps, in the earlier work little attention
was directed toward assuring that an equilibrium
distribution
of iron among the binding sites of transferrin
had actually
been achieved. In the present experiments
we believe we
have been able to distinguish between equilibrium
properties
and kinetic or accessibility factors in the binding of iron to
transferrin.
Site Constants
- Individual
site constants were calculated
from the ratios of Fe,. transferrin to Fe,. transferrin in preparations at equilibrium.
These ratios were obtained from the
urea gel electrophoresis
patterns, following the methods of
Makey and Seal (111, in which up to four distinct bands may
be revealed. The slowest and fastest of these correspond to
apotransferrin
and Fe,. transferrin,
respectively,
since the
net negative charge of the protein increases with each iron
atom bound (Equations 8a to Bd). The inference that the two
bands of intermediate
mobility represent the two distinguishable monoferric species seem warranted
by experimental
measurements of their iron content (11). This is particularly
interesting
in the light of a recent report by Donovan that
transferrin thermally denatures in two distinct domains each
of which bears one iron-binding
site (10). It may be, therefore,
that the domain which does not bear an iron atom is particularly vulnerable to denaturation
by urea, in keeping with the
observation that metal-ion binding protects transferrin from
denaturation
(27). The findings that bovine transferrin can be
proteolytically
cleaved into two monoferric fragments is also
evidence that the iron-binding
sites of transferrin
reside in
separable domains of the molecule (28).
Comparing the average number of ferric ions bound to
transferrin at equilibrium
estimated from urea-gel electrophoresis patterns with that calculated from the distribution
of
radioactivity
in the dialysis cells affords a measure of the
reliability
of the urea gel technique. In the pH 6.7 to 6.8
region the agreement in most preparations
is quite good
(Table II). Near pH 7.4, however, where a much higher
concentration of citrate was required to achieve a workable
distribution of iron between protein and buffer, the agreement
is less satisfactory, with most preparations
showing greater
average binding in gels (Table I). This may reflect some
unloading of iron from citrate to transferrin during the electrophoretic procedure. Nevertheless, we feel that correlating the
data from electrophoretic and dialysis experiments does afford
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an indication of the relative binding strengths.
Near pH 6.7 binding of iron the b-site is so much weaker
than binding to the a-site that the former is not observed
until the latter has occurred. The binding process may therefore be described as virtually
sequential,
as suggested by
others (8, 9). Near pH 7.4 the difference in binding strengths
of the two sites is less pronounced,
and both monoferric
transferrin species may be observed in the same preparation
at equilibrium.
Still, the a-site is about 6 times stronger than
the b-site, so that the characterization
of the binding sites as
equivalent and independent must be relinquished
(5, 6).
The binding constants for a-site and b-site alike decrease
when the opposite site is occupied (Table III), consistent with
a weakly negative site-site interaction for the binding of iron.
The effect is somewhat more pronounced near pH 6.7 than in
the physiologic pH region. This may be due to an increasing
compactness of the protein accompanying metal binding (29,
30). Electrostatic
effects might also favor a negative interaction because of the increase in net negative charge of the
protein with each iron atom bound.
Relativity
Accessibility
of Sites - Most physiologic
studies
of transferrin use proteins labeled with radioactive iron under
conditions in which an equilibrium
distribution
would not be
achieved. We, therefore, have utilized the urea gel electrophoresis method to estimate the relative kinetic accessibility of
the sites to a variety of iron complexes commonly used to
label transferrin. As shown in Fig. 3, the sites differ markedly
in their accessibility. More importantly,
perhaps, either site
may be preferentially
occupied, depending on the complex
used. Ferric nitrilotriacetate
preferentially
loads the a-site,
while ferrous ammonium sulfate, ferric chloride, ferric oxalate, and ferric citrate are initially
directed to the more
weakly binding but more accessible b-site. On standing, iron
is then slowly redistributed
from the b-site to the a-site. This
dissociation between kinetic and thermodynamic
effects in
the binding of iron to transferrin
has perhaps been insufficiently appreciated
in recent physiologic studies, and the
view that iron is randomly distributed between binding sites
(31) no longer seems tenable.
EPR Spectra
of Single-Site
Transferrins
- On the basis of
these observations nearly pure a-site and b-site monoferric
transferrins,
with carbonate of bicarbonate as the obligated
anion, could be prepared from ferric nitrilotriacetate
and
from ferric oxalate, respectively. The subtle but real differences in their EPR spectra substantiate in part the interpretations of Aasa (23) and can be explained if the symmetry
parameter A of the spin-Hamiltonian
has a value slightly
closer to l/3 for the b-site than for the a-site (23). It may be
worth noting that the g’ = 9 signal of both single site
complexes shows a shoulder on the low field side, in keeping
with the dual origin of this line from separate transitions in
highest and lowest Kramers’ doublets of the spin 5/2 manifold.
Implications
for Physiology
of Transferrin
-Our findings
that the two sites of transferrin
are not equivalent in their
binding strengths for Fez+, in their accessibility to various
iron complexes, and in their spectroscopic properties would
seem to offer a chemical basis for the Fletcher-Huehns
hypothesis of separate functional roles for each site (32). A variety of
studies from several laboratories
has failed to reach agreement on the existence of such functional inequivalence,
however (31, 33). In view of our results, and recent studies from
other laboratories emphasizing the difference in binding properties of the sites and the nonrandom distribution
of iron in
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it may be prudent
to reconsider
whether
the sites
distinguishable
functionally
as they are in their
activities.
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