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Several groups have prop: that i (Al) may p biological b as a neutral complex with citrate.
We tested this hyp thes by il citrate flux across holipid vesicles (i )
Results from two independent procedures show that lipid hllayer penneatlm\ by tlle neutral aluminum-citrate complex is
slow (P=1+10"" cm+s~'). We then with per by a series of
a-hydroxy carboxylic acids and by ylci ‘This showed that the aluminum-citrate flux is limited by
diffusion across the water /lipid interface. This is due to hydrogen bonding between water and the citrate carboxyl
groups, and by hydration of the bound metal in the aqueous phase. By analogy with citric acid, steric hindrance of
diffusion within the bilayer does not affect the permeation rate of aluminum citrate. Elevated tissue levels of Al &
subjects fed a diet supplemented with citric acid and AI(OH), cannot be explained by lipid bilayer permeation of the

neutral complex.

Introduction

luminum toxicity has recently been implicated in
buman discase, and it has long been known to limit
crop production on vast areas of arable land [1). Despite
these probi the molecul i of i
{Al) toxicity are not known. This is due in part to our
limited understanding of how Al is absorbed across
biological membranes. One possible mechanism is lipid
bilayer permeation by neutral aluminum citrate [1-3], a
complex which can occur in acid surface waters, and
which is believed to i a sij mole frac-
tion of total solution Al in the upper intestinal tract of
humans {2]. Indirect evidence for neutral aluminum-
citrate permeation of biological membranes includes
elevated Al in brains of rats fed a diet of aluminum
citrate [4] and elevated Al in blood plasma of humans
who d citric acid simul ly with AI(OH);
(31
Biophysical evidence both supports and opposes a
neutral aluminum-citrate permeation mechanism. Low
molecular weight neutral acids are known to rapidly
permeate lipid bilayers. For example, hydrofluoric acid
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(HF) and nitric acid (HNO,) have permeability coeffi-
cients (P) of 1-107% ecm-s~! and 4.107% cm-s7},
respectively [5]. Their anionic forms, F~ and NOj, are
far les permeant with coefficients of about 5-107"
cm-s”'and1- 10—10 cm- 57" [5]. These differences are
due to the signifi ly lower activation energy req

to move neutral so.utes from an aqueous phase to a low
dielectric lipid bilayer since P is proportional to
exp~t49'/RT) [6], Thus, it is reasonable to propose that
permeation by neutral aluminum citrate could be rapid
[1-3].

Evidence against rapid permeation by this complex
can be inferred from work with nonelectrolytes.
Poznansky et al. [7] have shown that permaability of
amides is controlled by resistance to solute diffusion
within the bilayer and by resistance to solute movement
across the water/bilayer interface. The former depends
on size of the solute, therefore aluminum citrate and
citric acid (molar volumes of about 115 cm®-mol™')
would be significantly less permeable than HF (molar
volume = 17 cm® - mol ~*) or HNO. (molar volume = 45
cm’ - mol™"). The latter depends on the energy required
to move the solute from water to the low dielectric
bilayer. Stein [8] was one of the first to argue that
hydrogen bonding can play a central role in this pro-
cess. This hypothesis was supported by Cohen [9] who
demonstrated a high correlation between the activation
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energy for lipid bilayer permeation by nonelectrolytes
and the number of hydrogen bonds they form with
water. Using Stein’s system to assign hydrogen bonds
(H-bonds) [8), aluminum citrate (8 H-bonds) would be
measurably more permeant than citric acid (11 H-bonds)
but both compounds would be significantly less per-
meant than HF (2H-bonds) and HNO,; (4 H-bonds).

The objectives of this study were to establish a lipid
bilayer permeability coefficient for aluminum citrate,
and to determine what properties controi permeation by
comparison with similar compounds. Qur results indi-
cate a low rate of permeation (P=1-10"" cm-s™")
due to hydrogen bonding with the citrate ligand and
hydration of the bound metal in the aqueous phase. We
conclude that lipid bilayer permeation by neutral
aluminum citrate cannot explain the high tissue Al
observed in subjects fed diet supplements of A(OH),
and citrate.

Methods

Liposome preparation

Liposomes were prepared as described previously
[10]. Egg phosphatidylcholine (PC) and egg phospha-
tidic acid (PA) (Avanti Polar Lipids) were bined at
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mM pyranine, a pH-sensitive fluorescent dye which is
impermeant across lipid bilayers [13). The external phase
was identical but for the absence of pyranine. At time
zero, 0.2 ml of the liposome suspension were added to a
cuvette that contained 1.8 ml of the external buffer.
Fluorescence of the entrapped pyranine was stabilized
(excitation 43C nm. emission 515 nm). and the pH of
the external solution was dropped to 3.5 by the addition
of 36 pl of 0.88 M H" as H,SO,. After 1 min. an
aliquot of carboxylic acid in identical buffer at pH 3.5
was added to the cuvette. Final total concentration of
the acid and its conjugate base was 5 mM unless
otherwise noted. Entry of the weak acid into the slightly
alkaline internal phase resulted in a slight decrease in
pH and thus a decline in pyranine fluorescence. from
which the rate of permeation could be calculated as
shown in the results,

M * of al citrate |

phite furnace atomic absorption spectroscopy
Pure egg PC liposomes were prepared as above ex-

cept that the reverse-phasc evaporation step was re-

placed by a freeze-thaw cycle. and the filter pore size in

the sizing step was 0.1 pm rather than 0.2 pm [11]. The

by gra-

a PC/PA mole ratio of 9:1. Organic solvents were
removed by evaporation under nitrogen gas, and the
lipid was redissolved in equal volumes of buffer and
diethyl ether. The suspension was sonicated for 1 min to
produce a homogeneous dispersion, and then the di-
ethyl ether phase was removed by rotary evaporation
Lnder reduced pressure for about one hour. The large
holipid vesicles p d v this method were
fultered ten umes through 0.2 pm Nuclepore filters to
ilamellar vesicles of 180 + 55

nm diameter [11]

Typically, a d in this
way contained 20 mM phosphohpud wnh ldenllcal buffer
solutions inside and outside of the vesicles (details on
buffer itions =re described under the individual
experiments). To replace the external buffer, an aliquot
of the liposome suspension was passed over a Sephadex
G-50 column that was equilibrated with the desired
solution. This step resulted in a 2-fold dilution of the
suspension which gave a liposome stock of 10 mM
phospholipid. Phospholipid content of stock solutions
was checked periodically by digestion and analysis of
inorganic phosphate by a standard colorimetric proce-
dure [12),

Measurement of neutral acid permeation by the pH-sensi-
tive dye Pyranine
Our assay was a dification of a techni de-

pped solution contained 0.12 M KNO,. and 1 mM
aluminum citrate. To ensure against formation of Ai
polymers. the aluminum citrate was prepared by slowly
adding Al stock (10 pg-1 ' in 1% HNO,) to a pH 3.5
solution that contained citrate. The pH was subse-
quently raised to 7.1 by the addition of fresh 0.05 M
NaOH at 15 ml-b "} {14]. No pH buffer was included
in this preparation to ensure against formation of unde-
fined complexes. Prior tc flux experiments. the external
solution was replaced by a solution that contained 1
mM EDTA. and 0.12 M KNO; at pH 7.1 in the absence
of Al The suspension was maintained CO,-free under
argon.

At time zero, 1 ml of the liposome suspension was
added to 1 mi of external solution in a Spectrapore 2
dialysis membrane (M, cutoff 14000) that was sus-
pended in a 10 ml Teflon jar that contained 8 mi of
external solution. Thus. the total volume of the <ystem
was 10 ml with a PC concentration of 2 mM. The
solutions inside and outside of the dialysis membrane
were rapidly stirred using a setup si r to one de-
scribed earlier [15). The system was maintained CO.-free
under a stream of argon. and temperature was main-
tained at 25°C by a circulating water bath. At 6-min
intervals, 0.5-mi aliquots were removed from the solu-
tion outside of the dialysis membrane and stored for Al
analysis in HF-washed polypropylene sample con-
lamem The ahquol was immediately replaced by Al-free

scribed by Barchfeld and Deamer [10]. Liposomes were
prepared as above in a pH 7.1 solution that contained
10 mM Pipes, 10 mM aspartate, 0.25 M K ,80;, and 0.5

to a volume of 10 ml. The
samples were digested overnight in 0.1% HNO, at 50°C.
and then assayed for Al conient by graphite furnace
atomic ubsorption spectroscopy using drying. ashing.
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and ramping steps outlined previously [16]. Standard
additions revealed no interference from EDTA, citrate.
nor from PC at the concentrations used in this experi-
ment. Flux across the dialysis membrane was found to
be much more rapid than flux across the lipid bilayer
and was ignored.

Results

Aluminum citrate and carboxylic acid permeabilities mea-
sured by pyranine fluorescence

Typical fluorescence recordings are shown in Fig. 1.
The decline in fluorescence at the top-left is due to
H*/OH" flux driven by the pH 3.5 (out), pH 7.1 (in)
gradient, which causes slow acidification of the vesicle
interior. Under the conditions of this experiment, fluo-
rescence of the deprotonated form was measured. Con-
sequently. acidification resulted in a reduced signal.
Upon addition of 0.5 mM lactate, the fluorescence
signal dropped abruptly due to permeation of lactic
acid and deprotonation of the acid in the relatively
alkaline vesicle interior. Curves for malic acid, citric
acid and aluminum citrate were acquired in the same
manner. Acetic acid (a known protonophore) was added
at the end of the three latter experiments to demon-
strate the existence of a pH gradient.

We used Eqn. 1 to calculate neutral acid permeability
coefficieats

P=J/(4:3C) (0]

where P is the permeability coefficient in cm-s™', J is
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Fig. 1. (A) Change in lipc

pyranine

flux in mol - s ™" per unit area of lipid bilayer surface, 4
is the total surface area of lipid in cm?, and AC is the
neutral acid concentration difference across the bilayer
in mol -cm™*. Assuming 70 A? surface area per phos-
pholipid, the total liposome surface area A4 in 1 ml of
suspension is 2100 cm?. AC values for each of the
neutral acids are shown in Table 1. These values were
calculated from the known total concentration of the
solutes added and their pK, values corrected to 0.5 M
ionic strength at room temperature. Table I also shows
the flux J for each neutral acid. We calculated J from
the rate of fluorescence change per second multiplied by
a calibration factor of 5.83-10~'* protons per fluores-
cence unit per cmt® surface area derived from Fig. 1, and
by the number of protons per molecule that would
dissociate in the alkaline vesicle interior. The last col-
umn in Table I is the permeability coefficient P calcu-
lated according to Equn. 1.

There are three important points in Table 1. First,
our permeability coefficients for HF (7.2 - 10 *cm -5~ )
and HNO, (9- 1074 cm-s~') are similar to values
reported earlier (3.1-107% and 9.2-107* cm-s~', re-
spectively) using PC black-lipid membranes [5]. Thus,
our procedure gives reasonable results. Second, the per-
meability coefficient for neutral aluminum citrate is at
most 2-107'" cm - s, which is comparable to coeffi-
cients for monovalent cations and is about seven orders
of magnitude less than coefficients for HF and HNO,.
On this basis, we conclude that lipid bilayer permeation
by aluminum citrate is slow. Third, the permeability
coefficients for the series of a-hydroxy carboxylic acids
from lactic acid to citric acid decrease by about 500-fold
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upon addition of neutral acids to the external solution. The entrapped solution

contained 0.5 mM pyranine, 10 mM Pipes, 10 mM aspartate, and 0.25 M K ;S0 at pH 7.1. The external solution was composed of the same buffer
at pH 3.5 except for the absence of pyranine. Neutral acids were added 10 the external solution at the black arrow in the following final

concentration:

lactic acid (31 pM). malic acid (2 mM); citric acid (6 mM); aluminum citrate” {1.8 mi1). 5 mM acetic acid (a known

protonophore} was added at the open arrows to demonstrate the existence of a pH gradient. (B) A calibration curve in which the liposomes were
rendered permeable by the addition of gramicidin. Pyranine fluorescence was then varied by the addition of 0.88 M H* as H,SO, in pl aliquots as
shown at the arrows, The pH values shown are for H* activities inside the vesicles over the range of fluorescence intensities used in our assays.



TABLE [
Values used 1o calculate permeability coefficients for the newtral acids

pK values for the acids at 0.5 M ionic strength were the following: lactic acid. 3.72: malic acid. 3.65 and 3.32: citric acid. £.72. 336, and 2.99:
aluminum citrate, 3.26:

{F. 2.9: and HNO,. ~1.2.

Compound Neutral acid Mean neutral solute flux, Pems
conca. (mM) Jmol-em s Ny
mean
Lactic acid 0.03 49-10 % 1410 7 -
ic aci 20 65-10 ™ 1200 0 L1 <
6.00 9.9:10 KRBT EER R
182 39-10 ' 2040 " 10-10 "
0.008 56-10 ' 7200 7 14-10 °
704107 60-10 1 90-10 ¥ 1410 ¢

® This estimate of citric ncld permeability is equal to ar greater than the
" The shown for
where P was 3.1-107 " or less.

ol value.

citrate is the mean value for the graphite furnace experiment and the pyranine experiment

per additional carbexyl group. This is a key to under- from a 1 mM aluminun-citrate pool entrapped in PC
standing the rate limiting process for aluminum-citrate liposomes. At time zero. the internal pH was 7.1, and 1
permeation as iscussed later. pM valinomycin was added to the suspension to ailow

rapid permeation of K. thus preventing generation of

M of alumii itrate p bility by gra- a diffusion petential. Under those conditions. the mea-
Pphite furnace atoniic absorption spectroscopy sured aluminum-citrate efflux was of the monovalent
We corroborated the data for aluminum-citrate per- anion. At two hours. a pulse of acidity (as H,50,) was
meation using an assay that measured Al flux directly added to the suspension driving the pH of the external
rather than relying on the indirect measure above. Fig. 2 medium down to 3.7. In the absence of a diffusion

shows the rate of Al movement into an external medium potential. it is known that H'/OH  permeability of
lipid bilayers is extremely fast [17). which leads to
equilibration of the entrapped solution at pH 3.7 in a

o4 N matter of seconds. At pH 3.7. the entrapped concentra-
tion of neutral aluminum citrate was 0.27 mM. which
caused a modest increase in efflux as can be seen in Fig.

gl 03l 2. Using Eqgn. 1. we calculated a neutral aluminum-
2 citrate permeability coefficient of 88-10 ' cm-s '
5 @ for this experiment. which is about 20-fold kess than the
- value for the pyranine experiment shown above. This
§ ¢ ° supports our conclusion that lipic “ilayer permeation
2 ":E T by the aluminum-citrate complex is slow.
&
% 9
f & Comparison of membrane permeation by aluminum citrate,
3 § o PH37 three a-hydroxy carboxylic acids, and trimethylcitrate
e Our objeuwe in this \ems of experiments was to
= di b that could limit lipid
. bilayer permeation by citric acid and neutral aluminum
e e citrate. The two proposed options are breakage of hy-
005 ¥ % R drogen bonds during passage from the aqueous phase to
Time (h) the bilayer and resistance to diffusion within the bi-
Fig. hZ ;Alummun‘x citrate efflux from llpnsnme_;has me‘hmfdm]? layer.
o cl&::u::::l.lan‘\’ﬂ“;lnnnnum-ulmle and 0.12 M KNO;. and the Fig. 3 shows that the relationship between
external solution contained 1 mM K EDTA in the same electrolyte. hydrogen-bond number and lipid bilayer permeability is
From 1=0 10 2 h measured efflux is the aluminum-citrate anion at approximately log-linear for the a-hydroxy carboxylic

PHT.1 in the presence of 1 M valinomycin. From 2hto4 hefflun is  acids tested. That is. each additional carboxyl group

d"‘;"': bi’ aluminum C'"“‘; 2‘7 (0:43 M ped o o1 (three addi 1 hydrogen bonds) results in a 508-fold
and by aluminum citrate® ( mM entrapped concentratior) at pl rence N N
3.7. At4 h the liposomes were lysed by the addition of Triton X-100 de““‘} in the permeability C"e""'ef“i T ' >“PPf"{>
(1% final concn.). The function for the line from 2 to 4 his ¥ = 0,01+ the postulate that hydrogen-bond breakage is the rate-

0.0086) X, r* = 0.61. limiting step for citric acid permeation: however, the
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No of hydrogen bonds with water
tionship betweeit hydrogen bond number and lipid
n bonds per molecule were assigned
according to Stein [8]. P for lactic acid. malic acid. 2nd citric acid are
the means from Table I P for neutral aluminum citrate is from the
graphite furnace assay. P for trimethylcitrate was calculated from
data of Cohen and Bangham [18] and from data of Sha'afi et al. [28].
The function for the line through the a-hydroxy carboxylic acids is
log Y=-022-09X. r*=0.99.

correlation is not convincing because it cannot discount
the effect of each additional carboxyl group on diffu-
sion within thie bilayer. Fig. 4. a log-linear graph of
molar volume against permeability coefficient, demon-
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Fig. 4. The relationship between molar volume and lipid bilayer

ility. F ili ici are the same as in Fig, 3.

Molar volumes for lactic acid, malic acid, and citric acid were

calculated by dividing their densities (in g-cm %) by tneir molecular

wights (in g-mol *'). The value assigned to trimethylcitrate is a low

estimate based on its molecular weight divided by the density of citric
acid. Its true molar volume is probably greater.

strates that the change in molar volume associated with
each additional carboxyl group within the homologous
series also correlates with the reduction in P predicted
by steric hindrance.
To distinguish t

b

oy

the two rate-control-
ling we have included permeability values
for trimethylcitrate from Cohen and Bangham [18].
Trimethylcitrate can form five hydrogen bonds with
water (like lactic acid) but it has a molar volume jarger
than citric acid. If hydrogen bonding controls permea-
tion, then trimethylcitrate should have a permeability
coefficient similar to that of lactic acid; alternatively, if
molar volume limits per ion then tri ylcitrate
should have a coefficient like citric acid. Figs. 3 and 4
show that the permeability of trimethvlicitrate is predic-
ted by hydrogen-bond number, not by molar volume.
We conclude that lipid bilayer permeability of the
carboxylic acids is limited by hydrogen bonding n the
aqueous phase.

Fig. 3 also includes a point for neutral aluminum
citrate. The hydrogen bond number for this complex
should be three less than that of citric acid because
Al** displaces a proton from each of two coordinating
carboxyl groups and from a coordinating hydroxyl group
[19]. 1t is clear from the figure that aluminum-citrate
permeability is significantly lower than predicted by
hydrogen-bond number.

Discussion

Our data show that the lipid bilayer permeability of
aluminum citrate is slow with a P value of about
1-10"" cm-s~". The mechanisms which limit permea-
tion can be understood by comparison with a series of
a-hydroxy carboxylic acids from lactic to citric acid.
Within that series the rate of permeation is controlled
by hydrogen bonding between the solutes and water in
the aqueous phase, which limits transfer across the
water/lipid interface. Resistance to diffusion in the
bilayer did not influence permeation in contrast to the
results of Poznansky et al. [7] for a homologous series of
amides. This can be explained by the nature of the two
series. A ide through are primary
monoamines that form three hydrogen bonds with water.
The activation energies for permeation by these com-
pounds differ by only 3 kcal - mol~’, therefore, modest
increases in activation energy due to steric hindrance
(e.g. 1.1 kcal - mol - mol~! from formamide to valera-
mide [7]), can be observed. By comparison, within the
carboxylic acid series, three hydrogen bonds with water
are added per carboxyl group. Assuming an activation
energy of 1.8 kcal - mol~' per hydrogen bond [18], this
results in a 5.4 kcal -mol~! increase in the activation
energy required to cross the water/lipid interface per
functional group. The difference between the two series
is emphasized by the range of permeability coefficients




associated with them. Among the amides (fixed number
of hydrogen bonds), the coefficient varies less than
10-fold from 1-107° cm-s™'; among the carboxylic
acids (5-11 hydrogen bonds per molecule) the permea-
bility coefficient varies by seven orders of magnitude.
We conclude that the added steric hindrance as:
with each carboxyl group cannot be measured because
the activation energy due to hydrogen bonding at the
water/lipid interface has a much greater influence on
permeation.

Hydrogen bonding at the interface cannot alone ex-
plain the permeability of aluminum citrate relative to
the carboxyhc acid series as shown in Fig. 3. If the
proposed model were | i citrate would
have a permeability coefficient like malic acid because
Al displaces :hree protons from citric acid and reduces
the aumber of possible hydrogen bonds from 11 to 8.
We believe that the difference is due to waters of
hydration associated with the metal. In its dissociated
forms, AI** is in 6-fold coordination with water. For-
mation of the citrate lex involves displ. of
three waters of hydration from the ion, but three waters
of hydration are p d [20]. There are no
known values for the free energy of hydration of the
metal within the aluminum-citrate complex. A conserva-
tive guess can be made by calculating the free energy of
interaction between water and a single Al-O bond mo-
ment. To make this calculation we used Eqn. 2

=—2p-p,/87r%, @

where E is the bond energy in kJ-mol™', g, is the
dipole moment of water (6-10°"° C-m), r is the
distance between the molecular dipoles (about 2.1 - 107"
m for the distance between the water dipole and mid-
length of the Al-O bond), and &, is the permittivity of a
vacuum (8.8-107'2 C%-m?-J"") [21). The term p,
generally refers to the dipole moment of the second
compound, in this case the A}**-oxyanion complex.
However, the direction of each of the three Al-O bonds
is unknown, which prevents summation of the bond
moment vectors to yield the molecular dipole
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charge on the Al per Al-O bond. Given ionic radii of
A'* and O ! equal 1o 67.5 pM and 170 pM respec-
tively. r' becomes 237 pm. Plugging these values into
Eqn. 3 yields a bond moment. p,. of 1.5-10 ¥ C-m.
Fmally solving Eqn. 2 for the interaction between a
<1 o single Al-O bond moment, we find
E=18-10 " | per dipole-dipole bond or approxi-
mately 25 keal- mol ' of dipole bonds. This value is
small relative to the ion-dipole bond between water and
AI’" (about 146 kcal-mol ') but it is significantly
larger than Pauling’s calculation of 7.6 keal - mol ' for
a single hydrogen bond between water and a carboxyl
group [22]. Thus. the neutral aluminum-citrate complex
would be expected to have a higher activation energy
for crossing the water/lipid interface than does citric
acid. O-.; permeability data support this. This result
may also explain some cardier, unpublished octanol-
water partition data from our lab. In those experiments
the solvent-to-water ratio was set to allow detection of
neutral aluminum-citrate transfer between phases as-
suming the same partition coefficient as citric acid. i.e.
0.02 {23}, We were never able to detect loss of aluminum
citrate from the aqueous phase. which now can be
explained by the large bond energy between the dipoles
of water and the bound metal.

1f the permeability of neutral aluminum citrate is as
low as our data indicate, how can we explain the
increase in tissue Al associated with di
ments of citrate? One po;
sion across biological membranes is significantly differ-
ent from diffusion across liposomes. Permeability of
hydrophilic solutes is typically greater in biological

b than in [24). However, Aubert
and Motais [25] were unable to detect erythrocyte per-
meation by citric acid. in support of the liposome
model.

Another plausible explanation for increased absorp-
tion of Al in the presence of citrate is a carrier-mediated
process. Bergsma and Konings [26] demonstrated that
energy-dependent citrate uptake in Bacillis subtilis re-
quires formation of complexes with divalent cations. In
that mecha a protonmotive force drives symport of

To overcome this we solved Eqn. 2 for the i ion

between a single Al-O bond moment and a single water
molecule. To calculate the bond moment we used
Eqn. 3

ry=qr (3)

where ¢ is the equal and opposite charge on the atoms
of the bond and r’ is the distance between the charges
[21]. Assuming equal distribution of the +3 charge of
Al between the three oxyanions, the net charge of each
is zero. However, using Pauling’s electronegativity val-
ues for Al and O, we calculate a partial ionic characicy
to the bond of 0.4; that is, 0.4 electron equivalents of

the alent anionic complex with a proton. This

hanism is consi with t of the anionic
aluminum citrate complex because in both cases the
charged site is an unbound. lomzed carboxyl group.
Another possible carri di echani is Al-
citrate competition with iron uptake. For instance. Hus-
sein et al. [27] have demonstrated induction of a
citrate-depend iron transport ha in Esche-
richia coli. In this process the ferric-dicitrate complex
binds to the inner or outer bacterial membrane and the
iron is removed. then transported by a membrane bound
receptor protein. Al can also form a dicitrate compiex
[2.4] that could complete for these receptor sites. One
problem with this scenario is the unusuvally high
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specificity of Fe carriers for Fe(Il1). For example Cline
et al. {28] showed that in the presence of 10 pM AI**
and 1 nM Fe'* at pH 4.0, the siderophore desfer-
rioxamine-B is quantitatively bound to Fe'*.

In summary. we have shown that lipid bilayer per-
meation by neutral aluminum citrate is slow. Compari-
sons with a-hydroxy carboxylic acids and trimethyl-
citrate suggest that the rate of permeation is limited by
hydrogen bonding between water and the citrate ligand,
and by dipole-dipole bonds between water and the
bound Al. We conclude that observed increases in tissue
Al associated with high levels of Al and citrate, in the
intestine of rats and man. cannot be explained by
neutral aluminum-citrate permeation of lipid bilayers.
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