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grams written by J. Blount; UCLA versions of ORFLS (Busing, Martin, and 
Levy), structure factor calculations and full-matrix, least-squares refine­
ment; ORTEP (Johnson), figure plotting; ABSN (Coppens), absorption cor­
rection; and ORFFE (Busing, Martin, and Levy), distance, angle, and error 
computations. The equations used in data reduction are the same as given 
in A. K. Wilkerson, J. B. Chodak, and C. E. Strouse, J. Am. Chem. Soc, 
97, 3000-3004 (1975). All least-squares refinements computed the 
agreement factors R and Rw according to R = 2 | |F 0 | - |FC| | /2 |F 0 | and 
R» = [Sw1IlF0I - |F0||2/2wi|F0|2] r '2,whereF0andFcare the observed 
and calculated structure factors, respectively, and w,U2 = 1/<T(F„). The 
parameter minimized in all least-squares refinements was 2 w-, \ \F01 — 
I Fc| I

2. All calculations were performed on the IBM 360-91KK computer 
operated by the UCLA Campus Computing Network. 

(16) The scattering factors for the nonhydrogen neutral atoms were obtained 
from H. P. Hanson, F. Herman, J. D. Lea, and S. Skillman, Acta Crystallogr., 
17, 1040-1044 (1964). The hydrogen scattering factors were from R. F. 

The Krebs cycle enzyme aconitase catalyzes the intercon-
versions of citrate, m-aconitate, and 2/?,35-(+)-isocitrate. 
The presence of Fe(II) and a reducing agent is required for 
activation of the catalytic function of the enzyme. Although 
many other metal ions have been tested, only Fe(II) (in the 
presence of a reducing agent) produces significant activation 
of the enzyme.2 A ternary enzyme-Fe(II)-citrate complex at 
the active site of aconitase has been detected by ' H NMR T i 
measurements.34 

The pA* of the citrate hydroxyl group is substantially lowered 
when the citrate ion is coordinated to a transition metal ion.5-8 

When citrate ions are coordinated to Fe(II) ions, the hydroxyl 
groups are predominantly ionized in neutral or alkaline 
aqueous solution. X-ray structural studies of an Fe(II)-citrate 
complex crystallized from acidic solution and a Ni(II)-citrate 
complex crystallized from alkaline solution revealed that the 
mode of coordination of the citrate ion to transition metal ions 
is dependent upon the state of ionization of the citrate hydroxyl 
group.9 To examine this phenomenon in solution, a 13C NMR 
investigation of Fe(II)-citrate complexes in acidic and alkaline 

Stewart, E. R. Davidson, and W. T. Simpson, J. Chem. Phys., 42, 3175-
3187 (1965). The anomalous dispersion corrections for iron were obtained 
from D. T. Cromer and D. Liberman, J. Chem. Phys., 53, 1891-1898 
(1970). 

(17) See paragraph at the end of the paper concerning supplementary materi­
al. 

(18) C. E. Strouse, Rev. Sci. Instrum., 47, 871-876 (1976). 
(19) The scattering factors for the nonhydrogen neutral atoms were obtained 

from "International Tables for X-Ray Crystallography", Vol. IV, Kynoch 
Press, Birmingham, England, 1974, p 72 ff. The hydrogen scattering factors 
and anomalous dispersion corrections were obtained from the corre­
sponding sources for these parameters given in ref 16. 

(20) J. P. Gluskerand H. L. Carrell, J. MoI. Struct, 15, 151-159 (1973). 
(21) C. F. Timberlake, J. Chem. Soc, 5078-5085 (1964). 
(22) K. Nakamoto, M. Margoshes, and R. E. Rundle, J. Am. Chem. Soc, 77, 

6480-6486(1955). 

solution was undertaken. Since the pH optimum for the en­
zymatic activity of aconitase from a variety of sources in sev­
eral different buffers lies in the alkaline range,2 data obtained 
from solutions of alkaline ferrous citrate complexes are of 
special interest as models for the coordination of citrate to the 
active site of aconitase.' 3C NMR of ferrous citrate complexes 
was utilized because the contact shifts of the citrate resonances 
are extremely sensitive to the configurations and conformations 
of the citrate ions and because of the greater number and va­
riety of carbon atoms than protons in citrate. Additionally, the 
paramagnetic NMR technique is potentially very useful for 
similar investigations of the configuration and conformation 
of the citrate ion in the ternary aconitase-Fe(II)-citrate 
complex. Paramagnetic NMR is particularly valuable in en­
zyme studies because the resonances of atoms which interact 
with the metal site are shifted away from the complicated en­
velope of resonances which arises from the rest of the macro-
molecule. A synthesis of '3C enriched citric acid was under­
taken to enhance the sensitivity of the 13C paramagnetic NMR 
measurements and to aid in the assignment of the observed 
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Abstract: 13C NMR studies of the paramagnetic 1:1 Fe(II):citrate system in solution were carried out as a function of pH, tem­
perature, and concentration, with the use of natural abundance and [1,2,4,5-l3C]citric acid prepared from ethyl bromo[l,2-
I3C]acetate and ethyl acetoacetate. The temperature and concentration dependence of the large shifts in the positions of the 
13C resonances indicated that in acidic samples, chemical exchange is fast on the NMR time scale. The temperature depen­
dence of the spectra of alkaline samples revealed an equilibrium among several forms of the complex which are not exchanging 
on the NMR time scale. At temperatures near the freezing point of the solution, a single form predominates in which the two 
halves of the citrate ion are inequivalent. Molecular weight determinations in solutions of high ionic strength indicated that 
both Fe(II) and Ni(II) complexes of tetraionized citrate are tetrameric, Fe(II)-triionized citrate is monomeric, and Ni(II)-
triionized citrate is primarily monomeric with evidence of a small degree of association. The Ni(II) complex of tetraionized 
citrate is dimeric in solutions of very low ionic strength. The magnetic susceptibilities of Ni(II) complexes of triionized and te­
traionized citrate and Fe(II) complexes of tetraionized citrate in solution were measured by an NMR method. No significant 
magnetic coupling was observed for any of these complexes. A complex of S4 symmetry based on a tetrahedral cluster of non-
bonded Fe(II) ions is proposed as the predominant form of Fe(II)-citrate in cold alkaline solution. In this complex, each face 
of the tetrahedron is capped with a triply-bridging citrate hydroxyl oxygen atom. The four citrate ions of the cluster have con­
figurations and conformations similar to those observed in a previous crystallographic characterization of a Ni(II) complex 
of tetraionized citrate. The observation of a metal bridged configuration of the ionized citrate hydroxyl group in the complexes 
of tetraionized citrate ions with Ni(II) ions and Fe(II) ions characterized by x-ray crystallography and 13C NMR, respective­
ly, suggests that this configuration may be present in most stable transition metal complexes of tetraionized citrate. The impli­
cations of these results concerning the nature of the iron citrate complex at the active site of aconitase are discussed. 
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resonances. A similar study of the interaction of ferrous ion 
activated aconitase with its substrates would undoubtedly re­
quire the use of highly ' 3C enriched substrates for observation 
of the spectra. 
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Experimental Section 

Titrations. Solutions of equimolar quantities of citric acid and 
Fe(II) or Ni(II) ions were titrated with standardized sodium hy­
droxide solution, and the pH was measured with a Sargent-Welch 
Micro Combination pH electrode connected to a Leeds and Northrup 
pH meter. Solutions which contained Fe(II) ions were continuously 
purged with nitrogen gas and were electrolyzed for several hours prior 
to the titration to reduce residual Fe(III) to Fe(II) in an apparatus 
similar to that used for preparation of samples for NMR measure­
ments (vide infra). 

Synthesis. A three-step synthesis10 has been developed for the in­
corporation of ' 3C into four of the six carbon positions of citric acid. 
Ethyl bromoacetate with 90% 13C at both acetate carbon positions 
(prepared by Dr. D. G. Ott, Los Alamos Scientific Laboratory) was 
the starting material used for the incorporation of the isotope. The 
sequence of reactions involved the condensation of 2 mol of ethyl 
bromoacetate with 1 mol of ethyl acetoacetate, followed by the con­
version of the methyl ketone to an acetate group by means of a 
Baeyer-Villiger oxidation reaction. The esters thus produced were 
hydrolyzed essentially quantitatively to citric acid (see Figure 1). 

Triethyl /S-Acetyl[l,2,4,5-13C]tricarbal]ylate (I). The disubstitution 
of ethyl acetoacetate to produce triethyl /3-acetyltricarballylate (I) 
(step 1) was accomplished by the use of sodium hydride as the base 
according to the method of Sandberg,1' with the notable exception 
that a stoichiometric quantity of sodium hydride (50% in oil; Research 
Organic/Inorganic Chemical Corp.) was used. The presence of excess 
sodium hydride in the disubstitution reaction of ethyl acetoacetate 
was found to favor the deacylation and to significantly lower the yield 
of I. The yields of several reactions of natural abundance starting 
materials according to this procedure ranged from 61-64% of the 
theoretical yield of I [bp 105 0C (0.15 mm)]. ' H NMR spectra were 
consistent with the assignment of the structure of the product to I. 

Triethyl [1,2,4,5-' 3C]Citrate Acetate (II) and Triethyl [1,2,4,5-
l3C]Citrate (III). The reaction conditions for Baeyer-Villiger oxidation 
of ketones to esters vary widely from one reaction to another.12 Di-
substituted ethyl acetoacetate was previously reported to be resistant 
to oxidation with peracetic acid.'3 However, it was found in the course 
of this investigation that I was oxidized by trifluoroperacetic acid to 
produce triethyl citrate acetate (II) with some hydrolysis to triethyl 
citrate (III) (step 2) by an adaptation of the method used by Emmons 
and Lucas14 to oxidize ketones with single carbonyl groups to es­
ters. 

A clean, unetched 250-ml three-neck flask was pretreated according 
to the following procedure. A solution of approximately 0.1 M hy­
drochloric acid was boiled in the flask for 1 h. The flask was rinsed with 
water, then rinsed with approximately 0.1 M sodium hydroxide so­
lution, and then rinsed again with water. The dried flask was washed 
with a 0.01% solution of dithizone in chloroform. Finally, the flask 
was heated in a flame to further condition the surface. 

A 25-ml portion of dichloromethane was placed in the pretreated 
flask fitted with a reflux condenser and an addition funnel and cooled 
in an ice bath. Hydrogen peroxide, 90%15 (1.42 ml, 0.0520 mol), was 
carefully added to the cooled solvent. Through the addition funnel, 
10.5 ml of trifluproacetic anhydride (0.0745 mol) was added dropwise 
while the mixture was stirred. After addition was complete, the ice 
bath was removed and the reaction mixture was allowed to warm to 
room temperature. A solution of 5.25 g of 90% 13C enriched I (0.0172 
mol) in 25 ml of dichloromethane was added dropwise through the 
addition funnel. The reaction mixture was then refluxed for 24 h. After 
the mixture had cooled, a 60-ml portion of a 10% solution of sodium 
carbonate was added slowly. After separation of the two layers, the 
dichloromethane layer was washed three times with water, and the 
combined water layers and carbonate wash were extracted three times 
with dichloromethane. The combined dichloromethane solutions were 
dried over magnesium sulfate. The dichloromethane was removed on 
a rotary evaporator, and a proton NMR spectrum was obtained to 
determine the relative quantities of I, II, and III. The reaction products 
from a sample of natural abundance starting material were identified 
by comparison of their 1H NMR spectra with those of triethyl citrate 
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Figure 1. Reaction sequence for the synthesis of [l,2,4,5-'3C]citric 
acid. 

acetate (II) obtained from K & K Laboratories, Inc., and triethyl 
citrate (III) obtained from Matheson Coleman and Bell. 

Upon completion of the above experimental procedure, the reaction 
mixture obtained was frequently discolored. The yellow color was 
removed by addition of silica gel to a dichloromethane solution of the 
mixture. The silica gel was filtered and washed with three aliquots of 
dichloromethane. The filtrate was treated with charcoal for 3-4 h. 
The charcoal was removed by filtration, and the dichloromethane was 
then removed on a rotary evaporator. This mixture was used for an­
other Baeyer-Villiger reaction. After four cycles, the overall yield of 
the mixture of II and III obtained from a natural abundance sample 
of I was 73% of the theoretical yield. 

The yield of the reaction was strongly dependent upon the surface 
of the reaction vessel. The presence of the strong, fluorinated acid 
visibly etched a Pyrex flask, and it was observed that the fraction of 
the ketone that was oxidized to the ester was significantly reduced 
when the reaction was carried out in a flask that had been used two 
to three times for the same reaction. The same phenomenon was ob­
served with the use of a Teflon reaction vessel. Likewise, the presence 
of impurities in the reagents affected the yield of the reaction. Al­
though the conditions required for the oxidation of I to II and III were 
well defined prior to the use of isotopically labeled materials, the use 
of 13C enriched I as the starting material resulted in almost no reac­
tion. Pretreatment of this material with silica gel and then charcoal 
allowed the reaction to proceed with a yield similar to that obtained 
with natural abundance starting material. The phenomenon was 
presumed to result from the presence (or absence) of trace impurities 
in the 13C labeled ethyl bromoacetate. 

[l,2,4,5-13C]Citric Acid. A 2.9-g sample of a mixture which con­
tained approximately 67% III, 25% II, and 8% I, as determined by 
NMR, was hydrolyzed according to the method of Rothchild and 
Fields.16 Recrystallization of the solid residue was carried out by 
addition of 20 ml of acetone and 15 ml of benzene. The solution was 
gently heated until about half of the acetone had evaporated and an 
oil had separated. The mixture was allowed to stand overnight, and 
0.4631 g of white, crystalline [1,2,4,5-l3C]citric acid was obtained, 
which accounts for less than 25% of the starting material of the hy­
drolysis. Separation of the remaining citric acid from the residual oil 
will undoubtedly significantly improve the overall yield. 

A proton decoupled 13C NMR spectrum of the 13C labeled citric 
acid is given in Figure 2a. A 13C NMR spectrum of natural abundance 
citric acid is given in Figure 2b for comparison. The presence of a small 
amount of #-acetyl[l,2,4,5-l3C]tricarballylic acid (the hydrolysis 
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Figure 2. Proton decoupled Fourier transform 13C NMR spectra of citric 
acid. These and all subsequent' 3C NMR spectra were obtained with the 
use of a superconducting solenoid NMR spectrometer operated at 63.1 
MHz. (a) A solution of crystalline [ 1,2,4,5-' 3C]citric acid in H2O. The 
spectrum was obtained from a single transient, (b) Natural abundance 
citric acid in H2O. The spectrum was obtained from 400 transients (1.0-s 
pulse delay). 

product of I) as an impurity in the crystalline sample of citric acid was 
evident from the small peaks located upfield from the methylene 
multiplet of [l,2,4,5- l3C]citricacid in Figure 2a. This impurity was 
used as an internal reference in the ' 3C NMR spectra of ferrous citrate 
complexes (vide infra). The 13C-13C coupling constant of the adjacent 
methylene and carboxyl carbon atoms of citric acid was 52 Hz. A long 
range ' 3 C - ' 3C coupling of about 3-4 Hz was also resolved. 

13C NMR Measurements. Sample Preparation. Natural abundance 
samples were prepared in a glovebag under an atmosphere of nitrogen 
by the addition of equimolar quantities of solid ferrous chloride and 
citric acid to water which had been purged with nitrogen gas. The 
concentration of all natural abundance samples was 1.0 M. The pH 
of each solution, measured with a Leeds and Northrup pH meter, was 
adjusted by the addition of concentrated hydrochloric acid or con­
centrated sodium hydroxide solution which had been purged with 
nitrogen gas. A small quantity of sodium dithionite, added to some 
of the samples immediately prior to the NMR measurements, was 
found not to affect the positions of the resonances. During the devel­
opment of sample handling techniques, an apparatus was constructed 
for recrystallization of the ferrous chloride, preparation and titration 
of the ferrous citrate solution, and measurement of the pH in an inert 
atmosphere. The sample was drawn off into an NMR tube while argon 
gas was passed over the top of the tube. A sample of pH 9.5 was ob­
tained by this method, and the NMR tube was capped with an O-ring 
sealed cap. 

A sample of' 3C labeled ferrous citrate was prepared by the addition 
of 1.8 mmol of crystalline [1,2,4,5-13C]citric acid (90% enrichment) 
and 1.8 mmol of solid ferrous chloride to 4.0 ml of water which had 
been thoroughly purged with nitrogen gas in an especially constructed 
apparatus (see Figure 3). The solution was electrolyzed overnight to 
assure complete reduction of residual Fe(III) to Fe(II). Nitrogen gas 
was bubbled first through a 10 M sodium hydroxide solution, then 
through a 9.778 M sodium hydroxide solution which was transferred 
to the calibrated addition funnel for the titration. Wet nitrogen gas 
was bubbled into the apparatus through inlets a and b. The outlets, 
c, d, and e, were connected with Tygon tubing to each other to equalize 
the pressure in both sides of the electrolysis cell and inside the pH 
probe, and the junction of the three was connected to a bubbler to 
prevent diffusion of oxygen back into the apparatus. A side arm with 
an O-ring sealed Teflon coupling to a 10-mm NMR tube was con­
structed at an angle such that rotation of the entire apparatus would 
result in the transfer of the sample into the NMR tube. The apparatus 
was used inside a glovebag filled with argon gas. The NMR tube was 
removed from the apparatus and capped immediately with an O-ring 
sealed Nylon cap, while argon gas was blown directly over the top of 
the tube. After the spectra of the sample at a particular pH were ob­
tained, the sample was returned to the electrolysis apparatus which 
had been capped and kept under nitrogen while empty. 

13C NMR Spectra. Spectra were obtained on a superconducting 
solenoid NMR spectrometer which operates at a ' 3C frequency of 63.1 
MHz and a 1H frequency of 251 MHz.17 All spectra of natural 
abundance ferrous citrate samples were obtained in the Fourier 

Figure 3. Electrolysis apparatus for the preparation of 13C labeled ferrous 
citrate for NMR measurements. 

transform mode with a spectral width of 14 kHz and with 512 data 
points. Each spectrum was obtained from the sum of 10 000-32 000 
transients. The transients were each obtained from a single pulse with 
no time delay following data acquisition. All but the spectra of the pH 
9.50 sample were obtained at the ambient temperature of the probe 
with the proton decoupler in operation. The spectra of the alkaline 
natural abundance sample were obtained with no decoupling power 
at a temperature of 2 °C. 

The spectra of the ' 3C labeled ferrous citrate complexes in solutions 
of pH less than 7 were obtained in the Fourier transform mode with 
the same spectral parameters as used for the natural abundance 
samples, except that each spectrum was obtained from 1500-2000 
transients. Proton decoupling power was used but the temperature 
was maintained at 2 or 30 0 C. 

Spectra of 13C labeled ferrous citrate at pH values of 7.60, 8.15, 
and 9.25 were obtained in the frequency sweep mode. A spectral width 
of 82 kHz was used with a receiver-transmitter time sharing fre­
quency of 60 kHz. Each spectrum was signal averaged for 10-15 h, 
during which 2000-3000 scans were summed at a rate of 15 s per scan. 
No decoupling power was applied to the nonspinning sample. 

Because of the large spectral width and relatively high radio fre­
quency power employed, substantial baseline corrections were re­
quired. Functions of the form A cos «0 or A sin nQ, where A is an 
arbitrary constant, n = 0, 1, and 2, © = 0 at the beginning of the 
spectrum, and 9 = ir at the end of the spectrum, were added to the 
uncorrected spectra until the baselines appeared reasonably flat. In 
order to adequately filter the data, the Fourier transform of the av­
eraged data was obtained, a broadening function of 200 Hz was ap­
plied to the data in the time domain, the imaginary part of the trans­
form was discarded, and the Fourier transform of the real part was 
carried out to give the final spectrum. 

Molecular Weight Determinations. The degree of association of 
Fe(II) and Ni(II) citrate complexes in aqueous solution was deter­
mined from the depression of the transition temperature of anhydrous 
sodium sulfate to sodium sulfate decahydrate'8 which arises from the 
presence of ions other than sodium or sulfate. The technique of Le-
febvre'9 was modified such that oxygen-free nitrogen gas was bubbled 
first through a solution of composition and temperature identical with 
the test solution, then through the test solution, to prevent oxidation 
of the ferrous citrate complexes while the concentration of the test 
solution was kept constant. The test solution (75 ml) was heated to 
34 0 C and anhydrous sodium sulfate (50 g) was added. The mixture 
was cooled slowly while it was stirred with a magnetic stirring appa­
ratus. The maintenance of sufficient stirring was found to be essential 
to the achievement of thermal equilibrium and thus a constant tem­
perature at the transition point. 
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Figure 4. ' 3C NMR resonance frequencies of solutions of ferrous citrate. The error bars represent the line widths at half-height, (a) 1 M solutions of natural 
abundance ferrous citrate. The circled data points are the resonance positions of diamagnetic citric acid, (b) 0.45 M solutions of ferrous complexes 
of [l,2,4,5-13C]citrate at 2 0C. The numbers in parentheses are the equivalents of base added, (c) Same as b except the data were obtained at 30 
0C. 

The freezing point depression of water which contained Ni(II)-
citrate prepared from equimolar quantities of Ni(OH)2 and disodium 
citrate was measured as a function of solute concentration. No attempt 
was made to exclude oxygen from these samples. Theoretical curves 
were calculated from the following equation based on Debye-Huckel 
theory:20 

AT = -0.059|z+z-|( Z WY12VKfInVi + „ K f t n 
i 

where A 7* is the freezing point depression, Z+ and z~ are the charges 
on the positive and negative ions, respectively, v is the number of moles 
of ions per formula weight of the electrolyte (v = ~Z\v\), Kf is the molal 
freezing point depression of water, and m is the molal concentration 
of the solute. 

The freezing point depression of water to which equimolar quan­
tities of Ni(II) sulfate, trisodium citrate, and sodium hydroxide had 
been added was measured as a function of the concentration of added 
electrolyte. The technique was the same as used for the measurement 
of the transition temperature of sodium sulfate except anhydrous 
sodium sulfate was not added, and the entire apparatus was placed 
inside a plastic container which was immersed in an ice-salt bath. The 
solution was not stirred since, in the absence of solid sodium sulfate, 
the nitrogen bubbling provided sufficient mixing. Theoretical curves 
were calculated as for the samples of low ionic strength, with the in­
clusion of an additive term for the Na2SC>4 present in these sam­
ples. 

Magnetic Susceptibility Measurements. The magnetic suscepti­
bilities of Fe(II) and Ni(II) complexes of triionized and tetraionized 
citrate in solution were measured by an NMR method21 over the 
temperature range of 3-71 0C. Equimolar quantities of solid trisodium 
citrate and Ni(II) sulfate were dissolved in a solution of 2% (v/v) 
tert-butyl alcohol in water to produce a solution 0.100 M in Ni(II) 
ions. A portion of this solution was placed in an NMR tube with a 
coaxial capillary which contained a solution of identical composition 
except for the substitution of magnesium sulfate for Ni(II) sulfate. 
A sample of Ni(II)-tetraionized citrate was prepared as above except 
1 equiv of sodium hydroxide was added. The concentration of the 
tert-buty\ alcohol solution used to prepare the sample was such that 
the final concentration of ten- butyl alcohol after the addition of so­
dium hydroxide solution was 2%. 

Solutions of Fe(II)-tetraionized citrate were prepared as above 
except that they were electrolyzed in a closed apparatus under nitrogen 
to convert any residual Fe(III) to Fe(II). The electrolysis apparatus 
was placed inside a glovebag which contained a nitrogen atmosphere, 
and the solutions were transferred to NMR tubes. Caps were sealed 
to the NMR tubes with epoxy glue. Three identically prepared samples 
of this air-sensitive complex were made. Samples of NiC^ and FeSCi 
were also prepared by similar methods. 

Proton NMR spectra of these metal citrate solutions were obtained 

with a Varian A-60 NMR spectrometer equipped with a variable 
temperature accessory. Sample temperatures were determined by 
measurement of the temperature of ethylene glycol or methanol cal­
ibration samples before and after the susceptibility determinations. 

Results 

Titrations. The titration data revealed a fourth acid disso­
ciation of Fe(II) and Ni(II) citrates as had been reported 
previously.6,7 In solutions of Fe(II) citrate, which contain very 
little residual Fe(III), a distinct, reproducible color change 
occurs after the addition of 3 equiv of base. The very pale blue 
solutions take on a light straw color as the fourth equivalent 
is titrated. 

13C NMR Measurements of Ferrous Citrate Complexes in 
Acidic Solution. A titration curve of the 13C NMR resonance 
positions of 1 M ferrous citrate (natural abundance) over an 
acidic pH range is presented in Figure 4a. The error bars in 
Figures 4 and 5 represent the line widths at half-height. The 
circled data points are the resonance positions of diamagnetic 
citric acid. The difference between the resonance positions of 
the diamagnetic sample vs. the paramagnetic sample at the 
lowest pH results primarily from the difference in the bulk 
magnetic susceptibility of the two samples. As the pH of the 
solution is increased, the formation of ferrous citrate complexes 
is favored and the citrate resonances experience large shifts. 
The smooth curves of resonance positions vs. pH permit the 
tentative assignment of the resonances throughout the pH 
range employed. At pH 0.65, the resonances, in order of in­
creasing frequency, are assigned to the methylene carbon 
atoms, the central carbon atom to which the hydroxyl group 
is bonded, the terminal carboxyl carbon atoms, and the central 
carboxyl carbon atom. Corresponding curves for a 0.45 M 
solution of ferrous complexes of [ 1,2,4,5-' 3C] citrate at 2 and 
30 0 C are given in Figure 4b,c. The absence of the resonances 
previously assigned to the central carbon atom and the central 
carboxyl carbon atom confirms these assignments. The sub­
stantially greater line widths of the resonances of the 13C la­
beled ferrous citrate spectra obtained at 2 0 C, with respect to 
those obtained from this sample at 30 0 C, are indicative of 
rapid chemical exchange. Thus, the presence of only two res­
onances for the tetra-labeled citrate ion probably results from 
chemical exchange rather than from the formation of a sym­
metric complex. The large line widths of the terminal carboxyl 
resonances in the pH range of 1.5 to 4.5 obscured this signal 
in the natural abundance spectra. The dotted line in Figure 4a 
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Figures. 13C NMR shifts of the carbon atoms of ferrous citrate. The error bars represent the line widths at half-height, (a) These data were obtained 
from 1 M natural abundance samples, and the references used to determine the shifts were the corresponding resonances at pH 0.65. (b) These data 
were obtained from 0.45 M solutions of the 13C labeled samples at 2 "C, and the references used to determine the shifts were the corresponding resonances 
at pH 1.5 of the impurity that was present in the sample. The numbers in parentheses are the equivalents of base added, (c) Same as b except the data 
were obtained at 30 0C. 

was included as an estimate of the resonance positions of these 
carbon atoms based on a comparison of the corresponding 
curves obtained with the 13C labeled sample and interpolation 
of the few resonance frequencies observed for these carbon 
atoms. 

Because of the difference in the concentrations of the natural 
abundance samples and the 13C labeled sample, the bulk 
magnetic susceptibilities of the two were significantly different. 
Thus, an internal reference for each must be used to compare 
the observed shifts. The difference between the resonance 
frequency of a given carbon atom at a particular pH value and 
its resonance frequency at the lowest pH measured was de­
termined for the natural abundance samples, and the resultant 
shifts are plotted for each carbon atom as a function of pH in 
Figure 5a. The most acidic solution which was used to obtain 
spectra of the ' 3C labeled sample was pH 1.5. Figure 5a indi­
cates that the methylene and terminal carboxyl carbon atoms 
have been measurably shifted at pH 1.5 and thus would not 
function as good reference resonance positions. The sample of 
13C labeled citric acid contained a small quantity of /3-ace-
tyl[l,2,4,5-13C]tricarballylic acid as an impurity. The reso­
nance positions of this compound in the ferrous citrate solutions 
were virtually invariant with pH and temperature. Since the 
impurity appears to participate very little in complex forma­
tion, the positions of its resonances in the pH 1.5 sample were 
used as the references. The differences between the methylene 
and terminal carboxyl carbon resonance positions of ferrous 
citrate and the corresponding reference resonance positions 
are plotted as a function of pH for the spectra of the 13C labeled 
sample at 2 and 30 0C in Figure 5b,c. 

The titration curves for the 13C labeled sample were ob­
tained with a quantitative addition of a standardized NaOH 
solution. The number of equivalents of base which had been 
added during the preparation of the samples for NMR mea­
surements is given in parentheses above the abscissa of the 
graphs in Figures 4b,c and 5b,c. The maxima in the curves 
occurred approximately at the point at which 3 equiv of hy­
droxide had been added. The decrease in the shift with the 
addition of more base is attributed to the decrease in the con­
centration of the Fe(II)-citrate(—.3) complex which accom­
panies the formation of the more stable Fe(II)-citrate(—4) 
complex. Similarly, the difference in the height of the maxi­
mum of the curve for the methylene carbon atoms of the ' 3C 
labeled sample vs. the natural abundance samples is attributed 
to the difference in the concentrations of these samples. The 

lower concentration of the 13C labeled sample (0.45 M as 
compared with 1.0 M natural abundance samples) favors 
dissociation of the complex, and thus smaller shifts were ob­
served for the rapidly exchanging citrate. 

13C NMR Measurements of Ferrous Citrate Complexes in 
Alkaline Solution. Spectra of the ' 3C labeled sample of ferrous 
citrate in alkaline solution were obtained over a range of 
temperatures and are given in Figure 6 for the sample at pH 
7.60. It is clear from these spectra that several forms of the 
ferrous complex with citrate are present in alkaline solution. 
However, the spectrum at —8 0C indicates that a single form 
predominates near the freezing point of the solution. Spectra 
of the sample at pH 8.15 and 9.25 were superimposable with 
those of the pH 7.60 sample at the same temperatures. 

A graph of the resonance frequencies with respect to an 
arbitrary reference as a function of the inverse temperature 
for the pH 7.60 sample is given in Figure 7. Although the 
complexity of the spectra at the higher temperatures precludes 
a definite assignment of the resonances, straight lines through 
the data (Curie dependence) were drawn such that two groups 
of resonances were separated with the same number of reso­
nances in each group. The resonances assigned to the pre­
dominant form at low temperature are indicated with arrows 
to the right of the graph. Extrapolation of these four lines to 
infinite temperature yielded values of 7 ± 2, 10 ± 2, —2 ± 2, 
— 1 ± 2 kHz in order from top to bottom in Figure 7. If a Curie 
dependence is valid, these would be the positions of the corre­
sponding resonances in a diamagnetic complex. The resonance 
frequencies of the methylene and terminal carboxyl carbon 
atoms of diamagnetic citric acid are 2 and 10 kHz, respec­
tively, referred to the same frequency. On the basis of the 
difference in the extrapolated frequencies, the two higher 
frequency resonances were assigned to the terminal carboxyl 
carbon atoms, and the two lower frequency resonances were 
assigned to the methylene carbon atoms of this ferrous citrate 
complex. 

The difference between the frequencies of diamagnetic citric 
acid and the extrapolated frequencies of the paramagnetic 
sample probably results from the error associated with such 
a large extrapolation. The resonances due to 13C labeled /3-
acetyltricarballylic acid present in the 13C labeled citric acid 
used for the preparation of this sample were essentially inde­
pendent of temperature and are included in Figure 7. 

Spectra of a natural abundance sample of ferrous citrate in 
a solution of pH 9.5 were obtained at 2 0C. Table I contains 
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Figure 7. 13CNMR resonance frequencies of the complexes of Fe(II) with 
[l,2,4,5-l3C]citrate at pH 7.60 as a function of the inverse temperature 
(K). 

Table I. 13C NMR Resonance Positions of Alkaline Ferrous 
Citrate at 2 0C 

Natural abundance0 

Frequency 
(kHz) 

-39.2(0.5) 
18.6(0.4) 
21.2(0.4) 
29.7 (0.4) 
40.3 (0.4) 
43.1 (0.4) 

ppm 

-621 
+295 
+336 
+471 
+639 
+683 

13C labeled* 

Frequency 
(kHz) 

18.7 

29.4 
39.4 
42.9 

ppm 

+296 

+466 
+624 
+680 

" The resonance positions are referred to the position of the citrate 
terminal carboxyl resonance in a solution of ferrous citrate of the same 
concentration at pH 0.65. The line widths at half-height (kHz) are 
given in parentheses. * The resonance positions are referred to the 
position of the carboxyl resonance of the impurity present in the ' 3C 
labeled sample of ferrous citrate at pH 1.50. 

; * ; W ^ " i ; * " ; ;;.','! S ,( 

; w V "V Wl W V V ^ - ^ X A ^ 
Figure 6. 13C NMR spectra of the complexes of Fe(II) with [1,2,4,5-
l3C]citrateat pH 7.60 as a function of temperature (0C). The frequency 
decreases from left to right and the two lowest frequency resonances in 
each spectrum are due to the presence of an impurity in the sample. 

a list of the observed resonances of this sample and the positions 
of the corresponding resonances observed in the 2 0 C spectrum 
of the 13C labeled sample. The line widths at half-height (in 
kHz), as determined from the spectra of the natural abun­
dance sample, are given in parentheses. The resonance posi­
tions in Table I are given with respect to the position of the 

citrate terminal carboxyl resonance at pH 0.65 for the natural 
abundance sample and with respect to the carboxyl resonance 
of the impurity at pH 1.50 for the 13C labeled sample. The 
resonances at —39.2 and 21.2 kHz in the natural abundance 
spectra are due to the central carbon atom and the central 
carboxyl carbon atom. However, on the basis of the data 
available, it is not possible to make a definite assignment of 
these two resonances. 

The complex nature of the spectra of the ' 3C labeled sample 
at higher temperatures, the fact that the line widths are not 
temperature dependent, and the observation that the shifts are 
independent of pH and concentration are all indicative of a 
system in which most chemical exchange mechanisms are slow 
on the NMR time scale. 

Further 13C NMR studies of the alkaline ferrous citrate 
complexes could undoubtedly yield valuable information about 
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Table II. Depression of the Transition Temperature of Anhydrous 
Sodium Sulfate to Sodium Sulfate Decahydrate by the Presence of 
Fe(II) and Ni(II) Citrate Complexes 

Sample" AT ± 0.005, 0C pH 

0.00 0.02 0.04 0.06 0.08 0.10 

MOLALITY 
Figure 8. Freezing point depressions of low ionic strength solutions of 
Ni(II)-citrate(—4). The concentrations are based on the molecular weight 
of the monomer. The solid curves are theoretical curves based on the de­
grees of association indicated to the right. 

the different forms of the complexes which are in equilibrium. 
For example, the concentration dependence of the spectral 
features at a constant temperature which is high enough to 
yield a significant concentration of the various forms of the 
complex should reveal whether some of these forms are dis­
sociation products of tetrameric ferrous citrate (vide infra). 
The sampling rates of the spectrometer at present limit the 
spectral width in the Fourier transform mode to a maximum 
of 14 kHz which is small compared with the observed ' 3 C 
N M R shifts of the alkaline ferrous citrate complexes. There­
fore, these complex spectra must be obtained in the continuous 
wave mode which is an inefficient and time consuming process. 
Further 13C NMR studies of this system have been postponed 
pending the completion of modifications of the 13C N M R in­
strumentation in order that much larger spectral widths can 
be obtained in the Fourier transform mode. 

Molecular Weight Determinations. The data presented in 
Table II indicate that in solutions of high ionic strength, 
complexes of Fe(II) and Ni(II) with triionized citrate are 
monomeric although, in the case of Ni(II), a small degree of 
association is indicated by the slightly smaller depression of 
the sodium sulfate transition temperature produced by triso-
dium citrate in the presence of Ni(II) ions than in the absence 
of the metal ions. On the other hand, complexes of Fe(II) and 
Ni(II) with tetraionized citrate produce a depression of the 
transition temperature which is only one-fourth the depression 
produced by trisodium citrate. Thus, both of these transition 
metal ions form complexes that are tetrameric in alkaline so­
lution. 

In view of the stabilization of highly charged complexes by 
the environment of very high ionic strength under the condi­
tions of these experiments, molecular weight studies of the 
Ni(II)-tetraionized citrate complexes were also carried out 
at lower ionic strengths. Nickel(II)-tetraionized citrate 
complexes in solutions which contain only the anionic com­
plexes and their counterions are predominantly dimeric. Figure 
8 demonstrates the excellent fit of the experimental freezing 
point depression data to the calculated curve for dimer for­
mation. However, when samples are prepared by simple mixing 
of salts of the ions required, 2 equiv of sodium ions and one of 

Trisodium citrate 
Fe(II)-citrate(-3) 
Fe(II)-citrate(-4) 
Ni(II)-citrate(-3) 
Ni(II)-citrate(-4) 

0.190 
0.190 
0.045 
0.170 
0.045 

7.30 
5.85 
8.78 

" All samples were prepared such that the concentration of each 
was 0.100 M based on the molecular weight of the monomer. pH 
measurements of the last three samples were made immediately fol­
lowing the transition temperature determinations. 

sulfate ions are present for every equivalent of Ni(II) and ci­
trate ions in the solution. Comparison of experimental data 
points with calculated curves indicates that samples of the 
Ni(II)-tetraionized citrate complexes prepared by this method 
result in the formation of tetramers. 

Magnetic Susceptibility Measurements. The values for the 
magnetic moments and Weiss constants of Ni(II) complexes 
of triionized and tetraionized citrates were identical within 
experimental error, and the magnetic moment was not sig­
nificantly different from that of a sample of NiCb. Likewise, 
the magnetic moment and Weiss constant of samples of 
Fe(II)-tetraionized citrate were not significantly different 
from those of FeSO.4. 

Discussion 

The results of solution studies of transition metal citrate 
complexes are consistent with the substantially different 
configurations of transition metal citrate complexes with tri­
ionized and tetraionized citrate ions observed in the crystal-
lographic investigations of Fe(II)-citrate(-3) and Ni( I I ) -
citrate(—4).9 The molecular weight determinations indicate 
that studies of these complexes in solution should be interpreted 
in terms of monomeric transition metal complexes of triionized 
citrate and tetrameric transition metal complexes of te­
traionized citrate. 

Comparison of the molecular weight data with the results 
of the x-ray crystallographic studies suggests that the coordi­
nation Qf both oxygen atoms of a citrate carboxyl group to two 
different metal ions is easily disrupted in solution. The 1:1 
Fe(II):citrate(-3) tridentate chelate forms an infinite chain 
in the solid state by the coordination of both oxygen atoms of 
the terminal carboxyl group not involved in the tridentate 
chelation to two other symmetry-related Fe(II) ions. The re­
placement of these carboxyl oxygen atoms by water molecules 
in the coordination sphere of the chelated Fe(II) ions would 
result in a monomeric complex of Fe(II) with triionized ci­
trate. 

Ni(II) forms a discrete complex with citrate(—4) in the solid 
state that is composed of eight Ni(II) ions and six tetraionized 
citrate ions. The centrosymmetric complex contains two 
clusters of four nonbonded Ni(II) ions which form highly 
distorted tetrahedra. Three of the faces of each tetrahedron 
are capped by the coordination of citrate ions with doubly or 
triply bridging hydroxyl oxygen atoms and the fourth face is 
capped by a triply bridging hydroxide ion. The coordination 
of both oxygen atoms of one of the terminal carboxyl groups 
of the doubly bridging citrate ion to t,wo different metals of the 
symmetry-related tetrahedron provides the only linkage be­
tween the two clusters.22 Separation of the two clusters, by 
disruption of this type of coordination, followed by the re­
placement of the triply bridging hydroxide ion with a triply 
bridging hydroxyl oxygen atom of a tetraionized citrate ion 
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would result in the formation of a tetrameric structure of 1:1 
Ni(II):citrate stoichiomctry. 

Proposed Structure of Ferrous Citrate in Alkaline Solution. 
The x-ray crystallographic investigation of a nickel citrate 
complex crystallized from a solution of pH 9.20'' provides an 
excellent model for the configurations and conformations of 
transition metal-citrate complexes in basic solution, because 
discrete Ni(II) citrate complexes arc surrounded by water 
molecules and positive countcrions. On the basis of this model 
and the molecular weight data, it is proposed that the pre­
dominant form of the ferrous citrate complex in cold alkaline 
solution is a tetrameric cluster in which four Fe(II) ions form 
a nonbonded tetrahedron in which each face of the tetrahedron 
is capped by a citrate letraanion. A structure in which the two 
terminal carboxyl groups and the two methylene groups of each 
citrate ion arc incquivalent, but all four citrate ions of the 
tetramer arc symmetry related is the simplest model that is 
consistent with the NMR data. A complex with .S'4 symmetry 
has these properties. A nonsymmetric structure in which the 
individual citrate ions arc averaged by a rapid dynamic NMR 
effect is also possible but a more complex model of this type 
is not required by the data. 

Photographs of a ball-and-stick model of an .S'4 tetrameric 
Fe(II) letraioni/.ed citrate complex are shown in Figure 9. The 
ionized citrate hydroxyl oxygen atom is coordinated to the 
three Fc(II) ions of the face in a triply-bridged configuration, 
and the three carboxyl groups each have one oxygen atom 
coordinated to the three metal ions of that face in a manner 
similar to that observed for two of the three independent citrate 
ions in the crystallographic study. The coordination sites of 
each Fe(II) ion are occupied by the hydroxyl oxygen atoms of 
three of the four citrate ions of the complex and three carboxyl 
oxygen atoms in an approximately octahedral arrangement. 
The carboxyl oxygen atoms located within the coordination 
sphere of each metal ion are contributed by the central car­
boxyl group of one citrate ion of the complex and by the ter­
minal carboxyl groups of two other citrate ions. The confor­
mations of the individual citrate ions in this model arc similar 
to those observed in the crystallographic investigation. 

This tetrameric ferrous citrate complex is an example of a 
"cubane" structure comprised of two interpenetrating tetra-
hcdra of Fe(II) ions and alkoxidc oxygen atoms. The formation 
of transition metal cluster compounds with metal-bridging 
ligands suggests the possibility of magnetic interactions among 
the bridged metals. I lerskovit/. et al.1 ' have reported the syn­
thesis of an analogue of the active site of non-heme iron sulfur 
proteins in which substantial antifcrromagnetic coupling is 
observed. This tetrameric cluster contains a distorted tetra­
hedron of nonbonded, tetrahedrally coordinated iron atoms 
with triply-bridging sulfur ligands on each tetrahedral face. 
In contrast, the octahedrally coordinated metals of the tetra­
meric Fe(II)-citratc complex exhibit no measurable magnetic 
interactions over the temperature range investigated. 

"C Contact Shifts. Strousc and Malwiyoff24 have reported 
patterns of upfield and downfield contact shifts for the carbon 
resonances of Ni(II) complexes of propylamine and substituted 
ethylenediamines and <v-amino acids. They observed large 
upfield shifts for the carboxyl carbon atoms, even larger upfield 
shifts of the carbon atoms located « to the nitrogen donor atom, 
and downfield shifts for carbon atoms located /J and 7 to the 
nitrogen atom which arc attenuated with distance from the 
donor atom. These patterns were attributed to a combination 
of direct dclocali/ation and spin polarization mechanisms. 

In acidic solutions of equimolar Fe(II) and citrate, a large 
upfield shift of the central carbon atom to which the hydroxyl 
group is attached and a smaller upfield shift of the central 
carboxyl carbon atom were observed in the '-1C." NMR spectra 
at pi I values high enough for significant complex formation. 
These results arc consistent with those reported for the diamine 
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Figure 9. Ball-and-stick model of a tetrameric complex of Fc(II) ci-
lratc(-4) with S4 symmetry. Upper left: View through lhe face of the cube 
of F-C(II) and citrate hydroxyl oxygen atoms which contains the C2 axis 
of the complex. Upper right: View through a face of the cube of Fc(II) and 
citrate hydroxyl oxygen atoms which lacks a symmetry axis, lower left: 
View from above one of the vertices of the nonbonded tetrahedron of Fe( II) 
ions. Lower right: View from above one of lhe laces of the nonbonded 
tetrahedron of Fc(II) ions. 

and amino acid complexes of Ni(I I) with the simple substitu­
tion of the nitrogen donor atom with the hydroxyl oxygen atom 
in the Fc(I I) citrate complexes. Likewise, the large downfield 
shifts of the methylene carbon atoms of Fc(II) citrate arc 
consistent with the previously reported shifts of carbon atoms 
located 0 to the nitrogen donor. However, a model for the ex­
pected shift of a carboxyl carbon atom which is not located fj 
to another donor atom is unavailable. The very large downfield 
contact shifts of these carbon atoms probably result from a 
large contribution from the direct dclocali/ation mechanism, 
which dominates any spin polarization mechanism for the 
transmission of the unpaired spin to a carboxyl carbon atom 
of this configuration. 

In alkaline solution, only one resonance was shifted upfield 
and all the other resonances experienced large downfield shifts. 
Unfortunately, a model for the prediction of the "C contact 
shifts of complexes with a bridging donor atom is not currently 
available. 

The large shifts observed for the ferrous complexes could 
contain significant dipolar contributions although they are not 
required to do so.-s Wicholas''' has shown that contact-shifted 
proton resonances of the octahedral complex of Fe(II) with 
diphenyl sulfoxide do not contain significant contributions from 
dipolar interactions. Fvcn in the absence of a detailed under­
standing of the origin of the shifts and the mechanisms of de-
localization of unpaired spin to the ligands. the " C NMR 
technique is a sensitive probe of configurations and confor­
mations of the ligands and is therefore a powerful tool for the 
elucidation of the structures and dynamics of a wide variety 
of coordination complexes in solution. 

The Active Site of Aconitasc. Since the pi I optimum for the 
catalytic activity of aconitasc from a variety of sources lies in 
the alkaline ranger the structures of transition metal citrate 
complexes in basic media arc of particular interest to studies 
of the mechanism of aconitasc activity. All three erystallo-
graphically independent citrate ions of the Ni(II) letraioni/ed 
citrate structure reported previously exhibit a bridged con­
figuration of the ionized citrate hydroxyl groups to two or three 
Ni(II) ions of the cluster.'1 Likewise, each of the ionized citrate 
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hydroxyl groups of the Fe(II)-tetraionized citrate tetramer 
proposed above also exhibits a bridged configuration to three 
of the Fe(II) ions of the cluster. These observations suggest that 
this bridged configuration may be present in most stable forms 
of transition metal complexes of tetraionized citrate. 

Recent investigations of the iron content of highly purified 
aconitase indicate the presence of more than one iron atom per 
enzyme molecule. Villafranca and Mildvan27 have reported 
a preparation of pig heart aconitase which was homogeneous 
by polyacrylamide gel electrophoresis. One tightly bound 
Fe(III) ion per molecule of inactive enzyme was present (based 
on a molecular weight of 89 000). The kinetic data of activation 
by Fe(II) and cysteine were fit with the assumption of con­
secutive binding of two Fe(II) ions per enzyme molecule. 
Kennedy, Rauner, and Gawron28 reported a different prepa­
ration of homogeneous pig heart aconitase. Inactive aconitase 
from this preparation contained two ions of Fe(III) and three 
atoms of acid labile sulfur per molecule (based on a molecular 
weight of 66 000). Activation by Fe(II) yielded a protein that 
contained a total of three atoms of iron per molecule.29 Suzuki 
et al.30'3' obtained crystalline samples of yeast aconitase that 
contained two iron atoms and one acid labile sulfur atom per 
enzyme molecule (based on a molecular weight of 68 500). The 
presence of more than a single atom of iron per enzyme mol­
ecule introduces the possibility that the ternary aconitase-
Fe(II)-citrate complex may also involve a bridged coordination 
of tetraionized citrate to at least two iron atoms at the active 
site of aconitase. 

Villafranca and Mildvan4 have measured the paramagnetic 
contributions to both the longitudinal (1/T|) and transverse 
(I/T2) relaxation rates of the methylene protons of citrate in 
binary complexes with Mn(II), a competitive inhibitor of 
aconitase, and with Fe(II), and in ternary complexes with 
aconitase-Mn(II) and aconitase-Fe(II) in D2O at pD 7.5. 
From these data, root-mean-sixth distances and lower limits 
to the hyperfine interactions between a single Fe(II) ion and 
the protons observed were calculated. By the detection of 
similar distances and hyperfine interactions for "solutions of 
citrate and Mn(II) or Fe(II) compared with solutions of citrate 
and aconitase-Mn(II) or aconitase-Fe(II), Villafranca and 
Mildvan4 provided the first direct evidence that a ternary 
Fe(II)-citrate complex is present at the active site of aconi­
tase. 

These calculated metal ion to proton distances were based 
on the assumption of a single Mn(II) or Fe(II) ion per citrate 
ion in the complexes. However, since the calculated distances 
are proportional to the sixth root of the paramagnetic contri­
butions to the longitudinal relaxation times, the assumption 
of more than a single paramagnetic ion per citrate ion in each 
complex would not substantially alter the results of the cal­
culations. Thus, the insensitivity of the technique precludes a 
definite conclusion on the basis of T\ data regarding the par­
ticipation of more than one metal ion per citrate ion in the 
ternary complex. 

Examination of the parameters used to obtain the 13C NMR 
spectra of the alkaline ferrous citrate complexes demonstrates 
that, with the use of 13C labeled citrate, direct observation of 
the ternary aconitase-Fe(II)-citrate complex by 13C Fourier 
transform NMR may be feasible. Experiments of this kind 
which could further elucidate the nature of the interaction of 

the citrate ion with the iron atom(s) at the active site of acon­
itase will be undertaken following completion of the modifi­
cations of the Fourier transform capability of the present 13C 
NMR spectrometer. 
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