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Reduction of chlorinated solvents by fine-grained iron
metal was studied in well-mixed anaerobic batch systems
in order to help assess the utility of this reaction in
remediation of contaminated groundwater. Iron sequen-
tially dehalogenates carbon tetrachloride via chloroform
to methylene chloride. The initial rate of each reaction
step was pseudo-first-order in substrate and became
substantially slower with each dehalogenation step. Thus,
carbon tetrachloride degradation typically occurred in
several hours, but no significant reduction of methylene
chloride was observed over 1 month. Trichloroethene
(TCE) was also dechlorinated by iron, although more slowly
than carbon tetrachloride. Increasing the clean surface
area of iron greatly increased the rate of carbon tetra-
chloride dehalogenation, whereas increasing pH decreased
the reduction rate slightly. The reduction of chlorinated
methanes in batch model systems appears to be coupled
with oxidative dissolution (corrosion) of the iron through
a largely diffusion-limited surface reaction.

Introduction

In the last few years, new interest in the reactions of
reducing metals has been created by contemporary
concerns with environmental protection, and an increasing
number of research groups are working to assess the utility
of these reactions in treatment of contaminated materials,
Most of the work reported to date has been focused on
reactor design. For example, Senzaki and co-workers (I,
2) reported extensive dehalogenation of 1,1,2,2-tetrachlo-
roethane and trichloroethene (TCE) by iron over a range
of conditions in a variety of batch and column reactors.
Subsequently, they extended their work, showing that the
rate of TCE reduction could be increased by the amal-
gamation of iron with other metals and that iron surface
area seemed to have the greatest influence on the reaction
rate (3). A full-scale column reactor has been described
by Sweeny (4,5). This device has been tested for treatment
of industrial wastewaters using various combinations of
Zn, Cu, Al, and Fe mixed with sand. Their systems were
reported to dehalogenate trihalomethanes, chloroethenes,
chlorobenzene, chlordane, and polychlorinated biphenyls
(PCBs) as well as to degrade atrazine, nitrophenols, and
N-nitrosodimethylamine. Not all of these reactions were
well documented however, and it has been concluded by
others that the apparent transformation of PCBs was due
to chromatographic effects in the reactor column rather
than dechlorination (6).

Another approach to the use of iron metal in environ-
mental remediation originated with a study of groundwater
sampling techniques by Gillham and co-workers (7). In
that study, it was observed that halogenated hydrocarbon
solvents were unstable in the presence of some commonly-
used well casing materials. Further investigation of this
effect indicated that most of the apparent degradation
was due to dehalogenation and that the reaction occurred
in the presence of galvanized steel, stainless steel, alu-
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minum, and iron. Since iron is relatively inexpensive and
nontoxic, it was proposed that it could be useful for the
in situ remediation of contaminated groundwaters. Pre-
liminary laboratory tests showed that industrial scrap iron
filings produced rapid and extensive reduction of dilute
aqueous chlorinated solvents (8, 9). On the basis of these
results, a pilot-scale field study was initiated consisting of
a permeable barrier, containing iron filings and sand,
emplaced perpendicular to the path of an artificial plume
of chlorinated hydrocarbons, During the year after
installation, the barrier effectively reduced perchloro-
ethylene (PCE) and TCE as evidenced by a roughly
stoichiometric increase in dissolved chloride and by
identification of trace concentrations of dechlorination
products (10).

The success of this field demonstration has attracted
considerable attention to the possibility of remediating
halocarbon-contaminated groundwaters by dehalogena-
tion with granular iron. Both in situ reactive barriers and
above-ground reactors are being developed for this pur-
pose. However, the effective design and operation of these
systems will be improved by a more detailed process-level
understanding of iron/contaminant interactions in porous
media. The purpose of our work in this area is to contribute
to such an understanding. In this paper, we describe the
mechanism and kinetics of transformations taking place
inlaboratory model systems containing low concentrations
of chlorinated methanes in the presence of granular iron
under anaerobic conditions. Further investigations are
underway by ourselves and others to address additional
transport, geochemical, and microbiological factors that
may be important under environmental conditions.

Chemical Background

The redox couple formed by zero oxidation state metallic
iron, Fe, and dissolved aqueous FeZ*

Fet + 2¢™ = Fe’ (1)

has a standard reduction potential of —-0.440 V (11). This
makes Fe® a reducing agent relative to many redox-labile
substances, including hydrogen ions, carbonate, sulfate,
nitrate, and oxygen. Alkylhalides,RX,canalsobereduced
byiron. Inthe presence of a proton donor like water, they
typically undergo reductive dehalogenation:

RX+2 +H*"—RH+ X 2)

The estimated standard reduction potentials of the above
half-reaction for various alkyl halides range from +0.5 to
+1.5 Vat pH 7 (12). Thus, the net reaction of eqs 1 and
2 is thermodynamically very favorable under most condi-
tions:

Fe®+RX + H* —Fe** + RH + X~ 6]

The general reaction represented by eq 3 is a well-known
member of a class of reactions known as dissolving metal
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Flgure 1. Pourbaix diagram for the Fe®-H,0 system under conditions

typical of this study: Fer = 0.076 mM, {Ci-} = 0.001, and 15 °C. Lines
for halomethane redox couples are based on potentials in ref 12,

reductions. These reactions have been used in organic
synthesis for over 140 years (13, 14).

The net reductive dehalogenation by iron (eq 3) is
equivalent to iron corrosion with the alkyl halide serving
asthe oxidizing agent. Since alkyl halides are widely used
as solvents and lubricants, their interaction with industrial
metals has been of considerable interest. For example,
the effect of water on the corrosion of iron and steel by
carbon tetrachloride was under investigation as far back
as 1925 (15). In a series of recent studies using a similar
system, corrosion by 11 chlorinated alkanes and alkenes
was compared in terms of weight loss of Al, Zn, and Fe (16,
17). The reaction rate was found to be greatest for
saturated and perhalogenated organic oxidants, with most
systems exhibiting accelerated reaction when water was
present (18).

The characteristic reaction of iron corrosion (eq 1) results
in oxidative dissolution of the metal at near neutral pH
(19). In the absence of strongly oxidizing solutes, there
are two reduction half-reactions that can be coupled with
eq 1 to produce a spontaneous corrosion reaction in water.
Dissolved oxygen, when present, is the preferred oxidant
(eq 4) resulting in rapid corrosion according to eq 5:

0, + 2H,0 + 4¢" = 40H" 4
2Fe’ + 0, + 2H,0 = 2Fe’* + 40H" (5)

Further oxidation of Fe2* by O3 leads to the formation of
ferric hydroxides (rust). However, water alone can serve
as the oxidant (eq 6), and thus, corrosion occurs under
anaerobic conditions according to eq 7:

2H,0 + 2¢=H, + 20H" 6)

Fe’ + 2H,0 = Fe** + H, + 20H" (7

Both reactions (eqs 5 and 7) result in increased pH in
weakly buffered systems, although the effect is more
pronounced under aerobic conditions because they yield
much more rapid corrosion. The pH increase favors the

formation of iron hydroxide precipitates (Figure 1), which
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Figure 2. Scheme showing proposed pathways for reductive deha-
logenation in anoxic Fed-~H,Q systems: (A) direct electron transfer
from iron metal at the metal surface; (B) reduction by Fe?*, which
results from corrosion of the metal; (C) catalyzed hydrogenolysis by
the H; that is formed by reduction of H,O during anaerobic corrosion.
Stoichiometries are not shown.

may eventually form a surface layer on the metal that
inhibits its further dissolution.

The above discussion reveals that the three major
reductants in an Fe®-H;0 system are iron metal and the
ferrous iron and hydrogen that result from corrosion. These
reductants suggest three general pathways that may be
available to contribute to dehalogenation of alkyl halides.
The first pathway (Figure 2A) involves the metal directly
and implies that reduction occurs by electron transfer from
the Fe0 surface to the adsorbed alkyl halide. Thus, eq 3
alone would describe the reaction pathway.

The second pathway involves the Fe?* that is an
immediate product of corrosion in aqueous systems (Figure
2B):

2Fe’* + RX + H* — 2Fe®* + RH + X~ ®)
Dissolved Fe?* is a reductant capable of causing dehalo-

genation of some alkyl halides, although these reactions
are generally quite slow (20, 21). The importance of this



process will probably be dictated by the ligands present
in the system because speciation of ferrous iron signifi-
cantly affects its strength as a reductant. Inner-sphere
complexation of Fe?* to metal oxides can create more
reducing species (22), but it is uncertain whether these
species can significantly influence rates of dechlorination.

A third model for reductive dehalogenation by iron
involves the hydrogen produced as a product of corrosion
with water (Figure 2C):

H,+RX—>RH+H"+ X" )

In the absence of an effective catalyst, H; is not a facile
reductant, and this reaction will not contribute directly
to dehalogenation. In fact, excessive H; accumulation at
the metal surface is known to inhibit the continuation of
corrosion and of reduction reactions in organic synthesis.
Rapid dehalogenation by Hj is still possible, however, if
an effective catalyst is available (14). The surface of iron,
its defects, or other solid phases present in the system
could provide this catalysis. Determining the relative
importance of these three dehalogenation pathways will
be essential to predicting field performance of iron-based
remediation technologies.

Experimental Section

Chemicals. Chlorinated solvents were obtained in high
purity and used without further purification. These
included carbon tetrachloride, HPLC grade (Aldrich);
chloroform, L.C grade, preserved with 1% (v/v) ethanol
(Burdick & Jackson); methylene chloride, 99+ %, anhy-
drous (Aldrich); and trichloroethylene, 99+ % (Aldrich).
Saturated aqueous stock solutions of these halocarbons
were prepared by allowing roughly 1 mL of organic phase
to equilibrate with 40 mL of water in glass vials capped
with Teflon Mininert valves. Aqueous standard solutions
were made by diluting the saturated stock solutions with
deionized water (18 MQ-cm NANOpure).

The iron used in most experiments was an electrolyti-
cally-produced 100-mesh powder (Certified Grade, 95%,
Fisher) with a nominal S content <0.02%. Our own
elemental analysis of the material measured <10 ppm S,
1.3% C,and 0.3% N. Prior to use, fines were removed by
sieving with a 325-mesh screen (0.043 mm opening size).
After acid pretreatment, the iron had a specific surface
areaof ~0.7 m2/g. Other samples that were tested include
“degreased” iron filings (Fisher and EM Science) and iron
turnings (>99.9%, Fluka).

Buffers were reagent-grade and used as received (Sigma).
These included 2-(N-cyclohexylamino)ethanesulfonic acid
(CHES); N-(2-hydroxyethyl)piperazine-N'-2-ethanesulfon-
ic acid (HEPES); 2-(N-morpholino)ethanesulfonic acid
(MES); 3-(N-morpholino)propanesulfonic acid (MOPS);
and tris(hydroxymethyl)aminomethane (Tris). Anaerobic
solutions of all media were prepared by purging for roughly
1 h with zero-grade Nj that was deoxygenated by passing
through a heated column of reduced copper.

Model Reaction Systems. Dechlorination experi-
ments were performed in closed batch systems prepared
in 60-mL serum bottles. In most cases, each bottle received
1 g of iron, weighed dry to the nearest milligram. Oxides
and other surface coatings were removed by exposing the
iron sample to 10 mL of 3% HCl for 1 h and then rinsing
three times with deoxygenated deionized water while
purging the open bottle with No. Serum bottles containing

acid-washed iron were then filled completely with deoxy-
genated deionized water or an appropriate buffer solution
and crimp-sealed with Hycar septa (Pierce). No evidence
for ferric oxide precipitation was found, even by optical
microscopy. Loss of substrate to Hycar septa was less
than 10% for carbon tetrachloride after 2 days and 20%
for chloroform, 10% for dichloromethane, and 25% for
trichloroethylene after 17 days. Each bottle was allowed
to equilibrate for 8~12 h on a rotary shaker (15 rpm) in
a dark, 15 °C room before addition of the substrate. A
temperature of 15 °C was chosen for the dechlorination
experiments to reflect common groundwater conditions.

To initiate a dechlorination experiment, 2 mL of a
saturated aqueous halocarbon stock solution was added
by injection through the septum. A second needle was
used to allow an equal volume of water to be displaced,
soeach dechlorination experiment began at 1 atm pressure
with no headspace. Typical concentrations were 100-200
uM for carbon tetrachloride, 100-200 uM for chloroform,
and 100-800 uM for dichloromethane. Reaction conditions
were usually the same as those for the equilibration step
described above. Loss of parent compound and production
of dechlorinated product were determined by periodically
removing 2.0-uL.samples for immediate analysis using the
methods described below.

Analyses. Two chromatographic methods were used
to determine the aqueous concentration of chlorinated
solvents. Initial work employed purging with whole-
column cryotrapping (23) with FID detection. However,
most work was done by a modification of the method for
direct aqueous injection on capillary columns developed
by Grob (24). Samples (2 uL), taken directly from the
reaction bottles, were injected via an on-column inlet at
92 °C, to a 2.5 m X 0.53 mm 1.d. precolumn attached to
a 30 m X 0.53 mm i.d. DB 624 analytical column (J&W)
in an oven heated to 104 °C. Satisfactory results were
obtained with detection by FID. Peaks were identified
by comparison with the retention times of standard
compounds. A dedicated chromatograph for headspace
reducing gases was used to verify that Hy was produced
by anaerobic corrosion (Trace Analytical).

A variety of techniques were used to characterize the
iron samples used in this study. Total carbon, nitrogen
and sulfur contents of the metal were determined using
a dedicated elemental analyzer by complete combustion
with thermal conductivity detection (Carlo Erba NA-1500).
The detection limit for sulfur (as SO,) with this instrument
was 10 ug/mg dry weight of sample. Iron surface area was
determined by gas adsorption (Micromeritics, Gemini
2360) on samples that had been rinsed with methanol and
dried under Ny gas. Scanning electron microscopy was
performed on a Zeiss 960 digital SEM with elemental
analysis by energy-dispersive X-ray spectroscopy. The
production of dissolved iron was quantified with the
ferrozine method (25).

Determinations of pH before and after each experiment
were made in open bottles with a gel-filled combination
electrode. Measurements during an experiment were made
through the septum with an 18-gauge, beveled tip com-
bination electrode (Microelectrodes, Inc.). Two-point
calibrations were performed daily at pH 4.00 and 7.00
using commercial buffers. Eighteen-gauge needle-form
combination electrodes (Microelectrodes, Inc.) were also
used to measure redox potential. The platinum element
was conditioned in dilute nitric acid, and the electrode
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performance was verified in a solution of iron ammonium
sulfate (26). Electrode potential was measured in the
sealed serum bottles and is reported in volts versus the
standard hydrogen electrode (SHE).

Results and Discussion

Corrosion in Fe®-H;0 Model Systems. About 15%
of the iron used to start each experiment was lost by
corrosion during the acid pretreatment step. Corrosion
continued after rinsing the iron and reconstituting the
system at circum-neutral pH. However, iron dissolution
was much slower under these conditions, as evidenced by
the lack of measurable decrease in iron by weight and the
production of <400 ug/L Fe?*. The concentration of H,
increased to >400 mg/L. within 1 h, confirming that
anaerobic corrosion was taking place by the reduction of
water (eq 7). The pH did not increase significantly,
suggesting that the hydroxide produced by water reduction
was balanced by other processes, perhaps formation of
iron hydroxides.

Values of the Pt electrode potential measured in the
solution decreased rapidly after the system was sealed
and mixed. After the initial rapid decline, the potential
continued to decrease but much more slowly. This
decrease continued throughout the equilibration period
to a value of approximately -300 mV (vs SHE). Thetrend
reflects a gradual dissolution of Fe? to give Fe?* (Figure
1). Ferrousiron has a large exchange current with Pt and
is undoubtedly the dominant electrode-active species in
this system. When carbon tetrachloride was added
through the septum, the electrode potential increased
sharply, about 100 mV, but then declined rapidly to its
prior value.

The 8-12 h equilibration period between setup and
initiation of dechlorination experiments was intended to
ensure that our model systems reflect the behavior of iron
inlong-term field applications and not initial adjustments
in conditions like the rapid decrease in electrode potential
described above. However, dechlorination rates were
generally the same whether the substrate addition was
made immediately after setup or after the equilibration
period of approximately 8 h.

Halocarbon Degradation Pathways. There are
several general reaction types available for cleaving the
carbon~halogen bonds that characterize many environ-
mental contaminants. These include nucleophilic sub-
stitution by water or hydroxide (hydrolysis) or by sulfide
or thiols; 8-elimination of HX (dehydrohalogenation); gem-
elimination yielding products via a carbene intermediate;
reductive elimination of adjacent halogens leaving an
unsaturated product (vicinal dehalogenation); reduction
of a single C-X bond to a C-H bond (reductive dehalo-
genation, eq 2); and oxidation to carbonyl products (12,
27, 28). The relative rates of these processes will vary
with substrate and chemical and microbiological condi-
tions. Halogenated methanes are not subject to dehy-
drohalogenation or vicinal dehalogenation, and hydrolysis
of these compounds is very slow under most conditions
(29). Carbon tetrachloride was chosen as the primary
substrate for this study, in part, to be able to focus on
reductive dehalogenation in the presence of iron. Many
previous studies have used carbon tetrachloride as a model
compound with which to study the reductive dehaloge-
nation as an environmental pathway (30, 31).
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Figure 3. Disappearance of (A)carbon tetrachloride and (B) chloroform,
with the appearance of corresponding sequential dehalogenation
products. System: 1 g of iron, unbuffered pH 8.0, and 15 °C. (@)
carbon tetrachloride; (A) chloroform; (4) methylene chioride.

Carbon tetrachloride was found to be degraded by
reductive dehalogenation to chloroform in all systems
containing iron metal. Conversion to chloroform typically
accounted for about 70% of the carbon tetrachloride lost
(Figure 3A). Afterthe carbontetrachloride concentration
had decreased to the detection limit, methylene chloride
was observed from further reductive dehalogenation of
chloroform (Figure 3B). The appearance of methylene
chloride typically accounted for about 50% of the chlo-
roform lost. Methylene chloride disappearance was only
apparent after several months, and it was not possible to
unequivocally demonstrate that this was a result of
dechlorination. Noformation of chloromethane, methane,
or coupling products like hexachloroethane were detected.
Analyses for formate or chloride were not performed. The
results indicate that the dominant degradative pathway
for chlorinated methanes in anaerobic FeO~H,0 systems
is sequential reductive dehalogenation and that the rates
become much less favorable with each successive dechlo-
rination step. A few similar experiments were performed
with TCE as substrate. TCE was degraded, but the
products of this reaction were not investigated.

Kinetics of Transformation. Inwell-mixed systems,
plots of the natural logarithm of substrate concentration



Table 1. Kinetics of Carbon Tetrachloride Disappearance®

RX [RX)mez (kM) k1 (min-?) ko (min-1)
CCly (eq 10) 1515 0.045 + 0.003
CHCI; (eq 11) 1071 0.032 & 0.005 (1.41 % 0.03) X 104
CHqCls (eq 12) 53 + 18 (1.6 £ 0.9) X 10

¢ Experiment performed at 15 °C and 15 rpm using 1.00 g of ‘iron.
Uncertainties are 1 SD in the fitted parameter from nonlinear
regression.

versus time for carbon tetrachloride and chloroform gave
straight lines from their initial concentrations to their
respective minimum detection limits (1-3 half-lives, typical
r2 > 0.95 for n = 5-10). From this, it was concluded that
the kinetics of these reactions are pseudo-first-order in
substrate and that the various possible changes in the
system—due to the simultaneous corrosion of iron—did
not significantly affect dechlorination rates over the
duration of our experiments. The slope of lines regressed
to natural logarithm of concentration versus time data
were used to obtain first-order rate constants, kops, in most
of the experiments reported below. However, toillustrate
the entire time course of one experiment, the data in Figure
3 have been fit by nonlinear regression to the integrated
rate laws for sequential first-order reactions (32):

[CTI, = [CT1,,, e (10)
CFl_..k
[CF]t = [_k_]_l-niaLl(e—klt _ e—kzt) (11)
2 1
[MC], = [MC],,,,,(1 - &™) (12)

where k1 is the first-order rate constant for dechlorination
of carbon tetrachloride (CT) to chloroform (CF) and k, is
the rate constant for conversion of chloroform to methylene
chloride (MC). The results of these calculations are
presented in Table 1. The disappearance rate constant
for carbon tetrachloride corresponds to a t;;3 = 15 min,
which is typical of unbuffered experiments run at 15 rpm
using 1.00 g of acid-washed Fisher electrolyticiron. Under
these conditions, chloroform disappearance occurs with
t,, = 3 days, and methylene chloride is not measurably
degraded. Note that the concentration of chloroform in
Figure 3 reflects both dehalogenation from carbon tet-
rachloride to chloroform and subsequent dechlorination
of chloroform to dichloromethane. The differences be-
tween corresponding parameters in Table 1 are consistent
with incomplete mass balances at each dechlorination step,
as described above. The rate of trichloroethylene disap-
pearance in our model system was first-order in substrate
concentration with a 1,5 = 30~40 days (data not shown).

Pathway of Dechlorination by Iron. As illustrated
in Figure 2, the presence of iron metal, Fe2t, and H; in
anaerobic Fe~H,0 systems provides three possible re-
ducing agents capable of effecting dehalogenation. A
variety of control experiments and treatment studies were
performed to help identify which of these reductants is
the most important contributor to the transformation of
carbon tetrachloride, and the results are summarized in
Table 2. Uncatalyzed reduction by dissolved Hs or Fe?*
can be excluded on the basis of control experiments:
neither Hy-saturated water nor 5~100 mg/L FeCly produced
measurable dehalogenation over 15 days in the absence of
the metal. It is difficult to exclude the possibility that

Table 2. Effects of Treatments on Rate of Reductive
Dehalogenation for Carbon Tetrachloride®

Fe(g) TFeCly(mg/L) Hi(psi) EDTA(mM) ks (min)®
1.00 0 0.062
1.00 10 0 0.083
1.00 5 0 0.037
1.00 50 0 0.049
1.00 100 0 0.024
1.00 100 0.5 0.030
1.00 0.5 0.061
0 10 0 NDe
0 100 0 NDe
0 100 0.5 NDe

¢ Conditions: unbuffered pH =7, 15 °C, 15 rpm, 100-mesh Fisher
electrolyticiron. ® Uncertainties from the regression lines are <0.008
min-1 (£1 SD) for all cases. ¢ ND, no detectable loss.

adsorbed Fe?* or nascent hydrogen that results from
reduction of water at the iron surface may be participating
in the dehalogenation reaction. However, amendment of
Fet~-H,0 systems with additional Fe?+ or Hy did not affect
the rate of carbon tetrachloride dehalogenation in a
significant or systematic manner. In addition, 0.5 mM
EDTA, which should form a redox-inactive complex with
Fe2+ produced by corrosion (33), had no effect on the
carbon tetrachloride dehalogenationrate. Taken together,
the data in Table 2 suggest that reductive dehalogenation
directly coupled with oxidative dissolution of the metal
(Figure 2A) is the dominant process under conditions
employed in this study.

Effect of pH. Understanding dehalogenation by iron
as reduction of the halocarbon coupled with oxidative
dissolution of the metal suggests several ways in which
pH may influence the reaction rate. The requirement for
H* participation in the overall reaction (eq 3) suggests the
possibility that protons may appear in one or more
elementary steps that influence the reaction rate directly.
In addition, strong indirect effects are possible due to
increased aqueous corrosion at low pH or iron hydroxide
precipitation at high pH. Our early experiments showed
that unbuffered systems consistently gave pH values of
7.5-8.0 and that changes during the course of carbon
tetrachloride dehalogenation experiments were small: pH
typically decreased, but by less than 1 unit. Since this
modest variability in pH did not appear to be affecting
dehalogenation rates, most experiments were carried out
without added buffer.

To determine the carbon tetrachloride dehalogenation
rate over a wide range of pH, a series of buffered systems
was needed. Good’s buffers were used because they
interact weakly with most metals in solution (34), and
preliminary tests gave no visual evidence for precipitation
with iron over the duration of a typical experiment. Five
of these buffers with overlapping pH ranges were used to
obtain data from pH 5.5 to 10.0 (Table 3). The values of
kobs decreased with increased pH, and the trend showed
no inconsistencies attributable to individual buffers
(Figure 4). Unbuffered systems gave dehalogenation rates
consistent with buffered systems at similar pH values.
The effect of pH on k,ps is apparently linear; giving a least-
squares regression line of

kops = —0.018 (£0.001) pH + 0.20 (£0.01)  (13)

with r2 = 0.92 for n = 16. The slope of this line has been
useful for estimating the potential significance of pH
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Table 3. Kinetics of Carbon Tetrachloride Disappearance
in Buffered Systems#

buffer
Fe (g) pH type kobs (min-t)

1.00 6.5 MOPS 0.083
1.00 7.4 MOPS 0.067
1.00 8.2 MOPS 0.041
0 7.4 MOPS 0

1.00 6.4° HEPES 0.080
1.00 7.5 HEPES 0.060
1.00 8.2 HEPES 0.047
0 7.5 HEPES 0

1.00 5.55 MES 0.100
1.00 6.0 MES 0.088
1.00 6.6° MES 0.083
0 6.0 MES 0

1.00 8.6 CHES 0.037
1.00 9.0 CHES 0.036
1.00 9.5 CHES 0.087
1.00 10.0 CHES 0.026
0 9.0 CHES 0

1.00 7.2 Tris 0.077
1.00 8.0 Tris 0.053
1.00 9.0 Tris 0.018
0 8.9 Tris 0

a Conditions: 15 °C, 15 rpm, 100-mesh Fisher electrolytic iron, 50
mM buffer.  pH decreased due to rapid corrosion despite buffer.
¢ Uncertainties are <0.01 based on slope of the regression line.
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Flgure 4. Effect of pH on the pseudo-first-order rate constant for
carbon tetrachloride dehalogenation by iron metal. Good's buffers were
used. Each bottle contained 1 g of Fisher iron powder and was mixed
at 15 rpm and incubated at 15 °C. Regression line corresponds to eq
4, (O) MOPS; (O) HEPES; (A) MES; (V) CHES; (¢) Tris.

variability on observed dehalogenation rates. A plot of
log kops vs log {H*} also gives a linear relationship (r? =
0.91, n = 15, figure not shown), but in this case, the slope
isthe empirical order of reaction with respect to the activity
of H*. TFitting the data gives a reaction order of 0.15 £
0.02. This low value indicates that H* is not involved in
a single rate-determining step in the dehalogenation
mechanism. It is, however, consistent with the indirect
effects proposed above or with a mixture of concurrent
effects.

Role of Iron Surface Characteristics. The direct
role of Fe? as a reactant in eq 3 implies the involvement
of reactive sites on the metal and, therefore, that the
condition and quantity of metal surface in a reaction
system should strongly influence the rate of dehalogena-
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Figure 5. Effect of surface area on pseudo-first-order rate constants
for carbon tetrachloride dehalogenation. Iron weights varied, as shown
in Table 3. The systems were unbuffered mixed at 15 rpm and incubated
at 15 °C. Regression line corresponds to eq 14. Solid circles are the
fitted data; open circles are data collected in a subsequent experiment
to validate the results by varying reaction volumse.

tion. Early experiments showed that preceding each
experiment with rinsing of the metal in dilute aqueous
HC1 produced faster dechlorination and that this pre-
treatment was necessary to obtain any appreciable reaction
at all for some iron samples. Treating the iron in this way
presumably provides a well-defined and reproducible
surface (16, 35), so it was applied to most experiments as
a standard procedure.

The most likely explanation for the effect of acid washing
is that it dissolves the surface layer on the iron grains,
leaving clean reduced metal that is relatively free of
unreactive oxide or organic coatings. Increased iron
surface area due to corrosion pits may also contribute to
the greater reactivity of halocarbons with acid-washed iron.
However, scanning electron microscopy of the iron grains,
before and after treatment with acid, showed little increase
in the density of corrosion pits. Similarly, the enhanced
dechlorination of acid-washed iron cannot be attributed
to the effect of pH on the dehalogenation rate, because
pH measurements gave no evidence for residual acidity
due to the acid wash procedure.

Besides pretreatment of iron with acid, the most
significant experimental variable influencing ks for
dehalogenation was the amount of iron metal available to
react with the organic substrate. Figure 5 illustrates this
relationship in terms of two parameters: g of iron/L of
reaction volume, which is operationally the most conve-
nient, and m? of surface area/L, which should incorporate
most of the effects of grain size and shape. Therelationship
appears to be linear, and regression of kqbs (min-1) versus
surface area concentration (m?/L) gives

ke = 0.0025 (£0.0002) [Fe surface area] +
0.017 (£0.005) (14)

with 72 = 0.96 for n = 8. The concentration of iron surface
area was calculated from an average specific surface area
for the iron used in this experiment (0.7 m?/g) and the



Table 4. Effects of Iron Concentration on Rate of
Reductive Dehalogenation for Carbon Tetrachloride®

Fe Fe surface
before (g)  after (g} vol(L) area (m¥L)°  kops (min-1)¢
0.50 0.404 0.06 4.71 0.027
1.00 0.870 0.06 10.15 0.047
1.00 0.820 0.06 9.57 0.039¢
1.00 0.814 0.11 5.18 0.029¢
1.00 0.831 0.16 3.64 0.010¢
1.50 1.286 0.06 15.00 0.053
2.00 1.748 0.08 20.39 0.061
2.00 1.710 0.06 19.95 0.067¢
2.00 1.641 0.11 10.44 0.041¢
2.00 1.695 0.16 7.42 0.037¢
2.50 2.196 0.06 25.62 0.085
2.50 2.196 0.06 25.62 0.085
3.00 2.647 0.06 30.88 0.088
3.00 2.647 0.06 30.88 0.099

@ Conditions: unbuffered pH =~ 7, 15 °C, 15 rpm, 100-mesh Fisher
electrolytic iron. ®» Weight at end of dechlorination experiment.
¢ Caleulated for a specific surface area = 0.7 m?¥/g. ¢ Standard
deviations of the slope of first-order regression lines are <0.007 min-!.
¢ Data not included in the regression line (eq 14).

mass of iron remaining after dechlorination. The robust-
ness of eq 14 is evidenced by how well it correlates the
results of a subsequent experiment in which both mass of
iron and total reaction volume were varied (Table 4, Figure
5). However, the broader utility of eq 14 will be limited
by the uncertain relationship between surface area de-
termined by gas adsorption on dry samples and the
concentration of accessible and reactive sites on a hydrated
metal surface (36, 37). In principle, dye adsorption from
aqueous solution is an alternative method for determining
surface area that should offer substantial advantages for
use in our systems. Unfortunately, preliminary results
with this method appeared to be unreliable, and no other
promising alternative to the BET method has been
identified.

Kinetics of Surface Reaction. Since dehalogenation
apparently occurs at the Fe/Hy0 interface, transport as
well as reaction steps must be involved. A general model
for surface reactions consists of five steps (22, 36, 38): (i)
mass transport of the reactant to the Fe surface from the
bulk solution; (ii) adsorption of the reactant to the surface;
(iii) chemical reaction at the surface; (iv) desorption of
the product(s); and (v) mass transport of the product(s)
to the bulk solution. Any one or a combination of these
steps may be rate limiting and, therefore, determine the
values of k,ps obtained in this study. To properly interpret
trends in the reaction rate, it is especially important to
distinguish between transport- and reaction-limited ki-
netics.

A common criterion for detecting mass transport-limited
kinetics is variation in reaction rate with intensity of
mixing. Rates that are controlled by a chemical reaction
step should not be affected, whereas aggressive mixing
usually accelerates diffusion-controlled rates by reducing
the thickness of the diffusion layer at particle surfaces
(36). Batch experiments in this study were mixed by 360°
rotation around a fixed-length axis, so one practical
measure of mixing intensity is rpm. Figure 6 shows that
kops for carbon tetrachloride reduction increased with
rotation rate up to about 50 rpm. This trend suggests
that mass transport is an important contributor to the
kinetics of dechlorination under the conditions employed
in this study. Limitations in the method of mixing did
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Figure 6. Effect of mixing rate on pseudo-first-order rate constant for

carbon tetrachloride dehalogenation by iron metal. All contained 1 g
of Fisher iron powder, were unbuffered, and were incubated at 15 °C.

not allow a condition to be reached where mass transport
was unimportant and kg, was constant. Due to the
uncertain form of the relationship between kg, and rpm,
regression has not been performed on the data. However,
the trend in Figure 6 shows the importance of mixing as
an experimental variable in batch studies of dehaloge-
nation by iron.

Additional support for the importance of mass transport
to the kinetics of dehalogenation in our systems comes
from the effect of temperature on k... Reaction rates
that are limited by diffusion typically have low activation
energies and, therefore, a weak dependence on temperature
relative to rates that are limited by a chemical reaction
step (86). Our data (not shown) indicate that kg is
unaffected by temperature over the range from 4 to 35 °C,
and fitting the datato the Arrhenius equation gives a slope
that is not significantly different from zero. The practical
implication of this result is that temperature control was
not considered to be an important experimental variable,
even though we performed most experiments at a typical
groundwater temperature of 15 °C.

Mechanism of Dehalogenation. A thorough mecha-
nistic study does not appear to have been reported on the
dehalogenation of alkyl halides in dilute aqueous solution
by the presence of Fe® or other reducing metals. However,
amechanistic context for our observations can be proposed
based on the results of previous work done on a variety
of related systems.

Numerous studies have shown that dissociative adsorp-
tion of HyO takes place at clean iron metal surfaces,
resulting in surface-bound hydroxyl, atomic oxygen, and
atomic hydrogen (39-41). The latter species—sometimes
called “nascent” hydrogen—can combine with itself,
accounting for the formation of Hs, or react with other
compounds in the system, resulting in their hydrogenation.
Adsorbed atomic hydrogen is the species that is directly
responsible for many important catalytic hydrogenation
reactions (I3), and it has been invoked as an intermediate
in the mechanism of dissolving metal reductions (14, 42).
However, dissolving metal reductions may also occur by
direct electron transfer between the metal and the
absorbed organic substrate. A debate over the relative
importance of these two mechanisms has gone on for many
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years, but the electron transfer model is generally preferred
to explain reductions at the surface of metals with highly
cathodic overpotentials (e.g., Fe or Zn as opposed to Pt or
Pd) (14, 40, 42).

The direct reduction mechanism requires adsorption of
the organic substrate on the metal surface and electron
transfer. Most studies of electron transfer to alkyl halides
suggest that this is a concerted, dissociative process that
results in the formation of a carbon-centered radical, R*
(43-46):

RX+e —R +X (15)

Presumably, the electron is transferred into the lowest
unoccupied (¢* antibonding) orbital of the substrate
molecule (44, 47). Although the first electron transfer is
rate limiting in many organic reduction reactions, this does
not appear to have been the case under the conditions of
this study. The initial step in corrosion of aluminum by
neat chlorinated solvents is also represented by eq 15, but
it has been described in different terms: ascharge transfer
from the metal to the halogen of the adsorbed substrate,
with associated homolytic cleavage of the halogen—carbon
bond (16~18). Adsorption of halocarbons from the gas
phase onto iron metal surfaces is also known to occur by
a dissociative mechanism, resulting in dechlorinated
radicals as intermediate products (48, 49).

Once formed, the radical may react to give final products
inavariety of ways. Intheabsence of agood proton donor,
dimerization of the radical can be important, especially
where the halocarbon is abundant because it is also the
primary solvent (16, 50). Dimerization is not favored in
dilute aqueous systems, which is consistent with the lack
of hexachloroethane formation from carbon tetrachloride
reduction in this study. Instead, the radical undergoes a
second electron transfer and protonation, which results in
the reductive dehalogenation products that we observed
to be predominant:

R'+H"+e¢ —RH (16)

Although the rate of this step may strongly influence
the observed distribution of reduction products, the
reaction represented by eq 16 has received less investiga-
tion than the radical formation step (eq 15). As aresult,
fewer generalizations can be made about the expected
effects of conditions on its rate and mechanism. For
example, proton availability will certainly affect eq 16,
but there is considerable uncertainty over the relationship
between proton availability at the metal surface and bulk
pH (47). Such distinctions may prove to be important in
describing the effectiveness of iron at dehalogenating
contaminants under environmental conditions.

By analogy to the mechanism of aqueous corrosion of
iron (41), the half-reaction that accompanies the first
electron transfer to a halocarbon (eq 15) is presumably
oxidation of surface Fe® to Fel*. Subsequent electron
transfers provide for formation and dissolution of Fe?*,
However, corrosion is often formulated as an electrolytic
phenomenon, where the reduction half-reaction occurs at
a cathodic site and oxidation occurs at an anodic site, and
the two are balanced by conduction through the metal
and the electrolyte (19). In highly conductive media,
macroscopic separation of these sites is well known, but
an electrolytic corrosion mechanism in nonionic solvent
systems can only occur if site separation is very small, on

2052 Environ. 8ci. Technol., Vol. 28, No. 12, 1994

the order of angstroms, as was proposed in an early study
on aluminum corrosion by boiling carbon tetrachloride
(51). Othershave argued that aluminum corrosionin1,1,1-
trichloroethane is not electrolytic (J7) but that the
oxidation and reduction half-reactions occur at the same
site, i.e., without separation of anode and cathode. It is
generally assumed that dissolving metal reductions, even
in aqueous systems, occur without separation of anodic
and cathodic sites (14). This distinction could have
practical significance in the context of this study, if site
separation leads to extensive pitting of the metal. How-
ever, inspection of iron surfaces by scanning electron
microscopy after one of our dechlorination experiments
showed very little pitting and, therefore, suggests pre-
dominantly uniform corrosion.

Conclusion

Carbon tetrachloride and chloroform undergo rapid
reductive dehalogenation in the presence of fine-grained
iron metal. With each successive dehalogenation, the
reaction proceeds more slowly, and methylene chloride
was not significantly degraded over the time scales of our
experiments. Relative product distributions do vary with
conditions however, so it is possible that circumstances
may exist where significant degradation of methylene
chloride will occur. Degradation of trichloroethylene was
also observed, but the pathway for this reaction was not
investigated.

In our closed model systems, the overall chemistry of
the system is dominated by anaerobic corrosion; i.e.,
oxidative dissolution of Fe? to Fe2*. The chloromethanes
apparently substitute for water in this reaction, providing
analternative oxidant for the iron metal, and a mechanism
has been proposed involving direct electron transfer to
the adsorbed halocarbon. Dehalogenation of carbon
tetrachloride was faster at more acidic pH, but this effect
was modest. Additional effects are possible under other
conditions. For example, aerobic systems may behave
differently due to more aggressive corrosion and the
precipitation of ferric hydroxides; sulfide, where it occurs
in groundwater, will significantly influence the redox
chemistry of iron and probably also the fate of chlorinated
contaminants; and bacteria could be important due to
microbial dehalogenation, biocorrosion, Fe?* oxidation,
or Fe?* reduction.

Under the conditions of our experiments, mass transport
of substrate to the iron surface appeared to be animportant
determinant of the dechlorination rate, so it was necessary
to control mixing as an experimental parameter. The most
important predictor of dechlorination rate was found to
be iron surface area concentration. Even during envi-
ronmental application it is likely that access to, condition
of, and concentration of the iron surface will be the
dominant factors controlling remediation performance.
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