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Foreword

Environmental Chemistry: Fundamentals and Microscale Experiments

When I was about eight years old, the beautiful wetland that stretched out beside my
home was destroyed and was replaced by a large office park. My father, upon seeing how
upset I was, said to me, “If you care about something, you care enough to learn about it.”
This event perhaps more than anything else caused me to dedicate my life to sustaining
our environment, our world, through the power of chemistry. And perhaps, more than any-
thing else, this is also the lesson of these excellent textbooks, Environmental Chemistry:
Fundamentals and Microscale Experiments. It is the knowledge and perspective contained
in these textbooks that allows all of us as scientists to understand the way our environ-
ment functions on a molecular level and how to identify potential threats to human health
and the environment that need to be addressed. But they do more than that. They also
give us the fundamental basis for ensuring that those problems never arise by using the
Principles of Green Chemistry that emphasize avoiding hazards through innovations in
chemistry.

For much of the history of the environmental movement, the scientific community
has sought to identify and quantify environmental problems. If we were able to identify
the problems, we then sought ways to clean them up sometimes elegantly, sometimes
expensively, sometimes both. Because of the knowledge and fundamentals presented in
these textbooks we are able to build on those historical approaches and incorporate the
principles of sustainable design into the chemical products and processes of tomorrow.
The authors deserve tremendous credit for their extraordinary efforts that have resulted
in these comprehensive and much needed volumes. These books will provide excellent
resources for those aspiring scientists to understand that the way to protect the Earth is
through intimately and rigorously understanding the Earth.

Paul T. Anastas
Yale University
December, 2006



Preface

Modern science is not straightforward. Intricate relationships exist among the different disciplines involved
in the understanding of virtually every scientific issue and phenomenon. The days of the Renaissance, when
a single person could master a large portion of the knowledge then available, are long gone. This is not
due to a lack of individual capacity, but rather to the explosion of knowledge, characteristic of our times.

Environmental Science—and more specifically, Environmental Chemistry—finds itself completely im-
mersed in such a scenario. In this regard, a book written by several authors having complementary back-
grounds and interests appeared to be an appropriate project to pursue. On the other hand, muitiauthored
undergraduate textbooks run the risk of lacking smoothness and continuity in the presentation of ideas and
concepts. The present project involved many meetings and cross-checking among the five authors. This
is why we perceive this finished task as valuable, and we hope that the reader finds a flowing progression
and fair treatment of the various subjects.

The book is written with sophomore or junior college students in mind (i.e., undergraduate students
in their second or third year). However, issues are often presented in such a way that General Chemistry
students—and even graduate students—can find subjects of interest applicable to their level. The book
consists of a theoretical section (12 chapters) and a companion book with an experimental section
(24 experiments) in two separate volumes. A brief description now follows (initials of the main authors of
each chapter and experiment appear in parentheses).

The beginning of the theoretical section comprises a general introduction to Environmental Chemistry
(Chapter 1, MH), and a summary of the main background concepts that a student of Environmental
Chemistry ought to know (Chapter 2, JI; Chapter 3, JI, AF, MS). We assume that the students have the
minimum background in Organic Chemistry and in Biochemistry necessary for Environmental Chemistry.
Subsequent chapters discuss the composition and characteristics of the natural chemical processes that
occur in the atmosphere (Chapter 4, AF), the lithosphere (Chapter 5, JI), and the hydrosphere (Chapter
6, MH and JI). This discussion concludes by examining natural biochemical processes and introducing
the organisms in the biosphere (Chapter 7, CD). Chapters that follow then analyze the effects of many
pollutants (Chapter 8, JI, CD and MS; Chapter 9, CD), their treatment (Chapter 10, JI and CD; Chapter 11,
CD), and the minimization and prevention of pollution, emphasizing Green Chemistry (Chapter 12, CD).
Each chapter also contains a list of educational experiments in the literature related to its subject and a list
of other useful references.

The experiments are rather varied, ranging from the characterization of aqueous media to pollutant-
treatment schemes. For increased safety, savings, and environmental awareness, as well as for reduced
costs, wastes, and environmental damage, we present our experiments at the microscale level (sometimes
also called small-scale). Such experiments typically use microliters or micromoles of at least one of the
reagents. The main authors of each experiment are as follows: Experiments 1-4, MH; 5, 6, JI; 7, AF and
JI; 8, JI; 9, MH; 10, AF;11,12, JI; 13,14, JT and MS; 15, JI; 16, JI and AF; 17, JI and MH; 18-20, J1;

vii
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21, JI (from an experiment by Viktor Obendrauf); 22-24, CD. The answers to selected problems from the
various experiments are given in the book’s website at www.springer.com. Many open-ended projects are
suggested in the additional related projects section of each experiment.

The possibilities for accidents or personal injury while performing these experiments are fairly small.
However, owing to the incalculable number of variables involved when many individuals perform experi-
ments in separate places with different materials and reagents, we cannot accept any responsibility in such
unlikely events. In the same vein, we cannot accept responsibility for any possible consequences when
performing the additional related projects described above.

The books contain a total of 240 questions, problems, and examples; of these, over 100 are solved in
the text. They also contain more than 150 figures, 70 tables, and 1300 references to the literature (almost
50% of these references are related to educational environmental activities and experiments). Lastly, 80
additional related projects are suggested in the experimental section.

Further technical notes are in order:

(a) Even though the TUPAC (International Union for Pure and Applied Chemistry) has advised using the
symbol e (for the electron) without its negative charge as superscript, we have circumvented this rule
for didactic purposes since, in our experience, students are less confused when balancing charges in
redox equations when they actually see the minus sign of the electron charge.

(b) Physical states are written here as subscripts just below the participants in chemical reactions, except
for aqueous species. A few years ago, such physical states started to be written as normal letters rather
than subscripts; however, we use the traditional convention here for the sake of clarity. In addition,
following the usage set forth by perhaps the most referenced book worldwide in Aquatic Environmental
Chemistry (Stumm and Morgan), we adhere in this text to the practice that aqueous species are to be
understood as such, even when they appear without the corresponding physical state as subscript. This
undoubtedly improves the readability of a large number of reactions. A similar idea applies to the gases
in Chapter 4, where it would be cumbersome to write their physical states.

(c) Some chapters and subjects lend themselves more naturally than others to exercises (shown as
examples).

(d) All the experiments refer to specific chapters from the theoretical section, as written below each
experiment’s title.

(e) Equations and figures in the worked examples are not numbered, unless they need to for a practical
reason.

(f) A plethora of Environmental Chemistry experiments are performed throughout the world. As this book
presents merely a few of these subjects, each chapter also has references to other experimentation
found in the literature. The reader is encouraged to inform the authors of any omissions, so that future
editions may be as complete as possible.

(g) Environmental Analytical Chemistry is of the utmost importance in understanding a large number of
environmental issues, and there are many excellent textbooks and laboratory manuals dealing with this
area of interest. Unfortunately, this rather extensive subject requires a stronger background than that
assumed for readers of the present books. Furthermore, the methods and techniques involved often call
for somewhat sophisticated equipment not available in all schools. It is for these reasons that we have
chosen to emphasize other aspects in the present texts, and thus urge the readers to seek key references
in this field elsewhere. With such a thought in mind, a comprehensive list of Environmental Chemistry
experiments that give prominence to analysis—and that require instrumentation beyond that used in
the experimental book—is given in the Appendix.

Jorge Tbanez first conceived the idea for this book. Zvi Szafran (New England College, USA) induced
us into making this project combine a full textbook and a laboratory manual. Margarita Hernandez was
the architect and Jorge Ibanez the main driving force behind the project—they weaved the threads from
the different chapters into an orderly whole. In addition, Carmen Doria endowed these books with her
expertise in the Life Sciences and Green Chemistry, Arturo Fregoso in the Atmospheric Sciences, and



Preface X

Mohan Singh in Microscale Chemistry. In addition, all the authors participated in and reviewed other
chapters as well.

Work on the books greatly benefited from comments and suggestions made by Hugo Solis (Universidad
Nacional Autonoma de Mexico—Universidad Autonoma Metropolitana— Azcapotzalco, Mexico) and Mario
Avila (Ecole Nationale Superiure de Chimie de Paris, France — Universidad de Guanajuato, Mexico). In
addition, Dara Salcedo (Massachusetts Institute of Technology, USA ~ Universidad Autonoma del Estado
de Morelos, Mexico), Pedro F. Zarate-Del Valle (Universite Pierre et Marie Curie, France — Universidad de
Guadalajara, Mexico), Sergio Gomez-Salazar (Syracuse University, USA — Universidad de Guadalajara,
Mexico), Martin Adolfo Garcia-Sanchez (ITESO — Guadalajara), and Lorena Pedraza-Segura (Universidad
Iberoamericana) also helped reading some portions.

Andrea Silva-Beard gave the books the final administrative “push” for their completion. Rosa Maria
Noriega provided the magic touch to the use of language through editing English grammar and style
in most of the manuscript. Aida Serrano, Patricia Hernandez-Esparza, Marcela and Daniela Delgado-
Velasco revised some parts of the books. Juan Perez-Hernandez (PROVITEC) helped in getting all the
authors together for meetings, and Elizabeth Garcia-Pintor tested most of the experiments. Alberto Sosa-
Benavides, Adriana Canales-Goerne, Gabriela Castafieda-Delgado, and Alejandro Correa-Ibargiiengoitia
transformed many of our rough sketches into understandable figures. The cover was developed after an
idea first conceived by Carmen Maria Tort-Oviedo (Universidad Iberoamericana).

We are especially thankful to Ken Howell (Springer) for believing in us, and for his patience and
encouragement. We also thank the many other co-authors and experimenters from other institutions
that participated at different stages: Zvi Szafran (Merrimack College — Georgia Technical University,
USA), Ronald M. Pike (Merrimack College — University of Utah, USA), Patricia Balderas-Hernandez
(Universidad Nacional Autonoma de Mexico — Universidad Autonoma del Estado de Mexico), Bruce
and Susan Mattson, Michael P. Anderson, Jiro Fujita, and Trisha Hoette (Creighton Jesuit University,
USA), Alejandro Alatorre-Ordaz (Universidad de Guanajuato, Mexico), Viktor Obendrauf (Graz
Pedagogical Academy, Austria), Michael W. Tausch and Michael Seesing (Universitdt Duisburg-Essen,
Germany), Rodrigo Mayen-Mondragon (CINVESTAV-Queretaro, Mexico), Maria Teresa Ramirez-Silva
(Universidad Autonoma Metropolitana — Iztapalapa, Mexico), Christer Gruvberg (University of Halmstad,
Sweden), Alanah Fitch (Loyola University-Chicago, USA), Adolfo de Pablos-Miranda (Institut Quimic
de Sarria, Spain), and Norberto Casillas (Universidad de Guadalajara, Mexico).

Also, many thanks are in order for extensive experimental assistance in some cases and exceptional
clerical help in others, to colleagues and students at Universidad Iberoamericana: Samuel Macias-
Bravo, Veronica Garces-Castellanos, Sebastian Terrazas-Moreno, Rodrigo Mena-Brito, Carlos Navarro-
Monsivais, Ignacio Gallo-Perez, J. Clemente Miranda-Trevifio, Jose Topete-Pastor, Luis C. Gonzalez-
Rosas, Iraida Valdovinos-Rodriguez, Maria Lozano-Cusi, Ana Lozano-Cusi, Enrique Lopez-Megjia, Jose A.
Echevarria-Eugui, Karla Garcia, Juan Jose Godinez-Ramirez, Fernando Almada-Calvo, Leticia Espinoza-
Marvan, Rosa Margarita Ruiz-Martin, Juan Jose Arrieta, Alejandro Moreno-Argiiello, and Denise Salas.

Funding was—without a doubt—of paramount importance for the development of experiments through
projects and research stays at diverse stages. This was kindly provided by Universidad Iberoamericana
(Mexico), the International Business Office of CONACYT (Mexico), Merrimack College (USA), the
National Microscale Chemistry Center (USA), the National Science Foundation (USA), the Fulbright
Program of the Department of State (USA), the Linnaeus — Palme Program of the Swedish Agency for
International Development (Sweden), the Alfa Program of the European Commission (Belgium), Loyola
University of Chicago (USA), Creighton Jesuit University (USA), the University of Halmstad (Sweden),
and the University of Guadalajara (Mexico).

Above all, we thank our families for their gift of patience and understanding during the seemingly
unending and highly demanding hours that this book required.

We are convinced that among the most important issues in Environmental Science are the appreciation
and knowledge of the different phenomena involved in our environment, and the on-going need to participate
in its care. We are hopeful that through these books we are contributing with a grain of sand to such an
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end. Our environment is undoubtedly part of a greater, transcendental reality—it is in this sense that we
dedicate the present books ad majorem Dei gloriam.

(Note: Names of the authors appear below followed by the institutions where they did graduate work, then
by their present affiliations).

Margarita Hernandez-Esparza (Stanford University). Universidad Iberoamericana, Mexico City.

Ma. del Carmen Doria-Serrano (Universidad Nacional Autonoma de Mexico). Universidad Iberoamericana,
Mexico City.

Arturo Fregoso-Infante (University of Missouri-Kansas City). Universidad Iberoamericana, Mexico City.
Mono Mohan Singh (St. Petersburg Institute of Technology). Merrimack College, MA, USA.
Jorge G. Ibanez (University of Houston). Universidad Iberoamericana, Mexico City.

Mexico City and North Andover, MA, USA
Spring of 2007
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Experiment 1

Water Characterization

Reference Chapter: 6

Objective

After performing this experiment, the student shall
be able to

¢ Measure several parameters that indicate the char-
acteristics and differences of various types of nat-
ural water samples: surface water, groundwater
(mineral water) and seawater.

Introduction

The parameters to be explored in this experiment
will help us determine the main differences among
water samples. They include pH, conductivity, chlo-
ride and sulfate concentration, and hardness level
(as measured by the total amount of calcium and
magnesium ions). Besides showing the pH, these
parameters reveal the salt content of each sample,
which normally varies depending on the source. For
example, the main differences between surface and
groundwater may lie in their salt content and tur-
bidity, which is an indirect measure of suspended
solids. The characteristics of surface and ground-
water depend mainly on the nature of the catchment
area, the type of soil present, and the materials in the
confinement rock that retains the aquifer. In contrast,
the characteristics of seawater are more constant and
well known.

Experimental Procedure

The method for this experiment is to perform, on
different samples, sequential measurements of the
parameters discussed above.

The first step is to obtain samples. Preferably, you
should obtain samples from original sources, such as
river or lake water. For groundwater, take a sample
from a well if possible, but if this is unfeasible, use
a sample of bottled mineral water (preferably from
a natural source). Seawater is an ideal sample, if it is
available nearbys; if it is not, prepare it synthetically
or obtain it from a commercial source.

Samples must be collected in clean polyethylene
bottles and analyzed immediately. This is manda-
tory for pH. For the other parameters, if immediate
analysis is not possible, refrigerate the samples at
4°C and analyze within 48 hours.

Next, measure the conductivity/salinity and pH
of the samples and compare the values with those for
the same parameters of tap and distilled or deionized
(D.1.) water. The conductivity measurements can be
done with a conductivity meter, which in some cases
is equipped for reporting the percentage of salinity
in the sample as well.

The pH of the samples can be measured with
a portable potentiometer or pH meter, preferably
on the sampling site, because a maximum of 2 h
is advisable for this measurement. Salinity (or an
indirect measurement, such as the chloride ion



concentration obtained by titration), provides inter-
esting data for sample comparison.

Another parameter that will be measured and that
also affects salinity values is the concentration of
sulfate ions.

Total hardness, which helps to differentiate sam-
ples, as well as the amount of hardness due to cal-
cium and magnesium ions in each sample, can be
determined either by titration or by atomic absorp-
tion.

A. pH and Conductivity Measurements
Estimated time required: 1 min per sample
Safety Measures

No special precautions are needed with these mea-
surements because a measuring probe is introduced
directly into the sample and the sample is not mod-
ified.

Materials Reagents or samples
Conductivity Take river or lake water samples. Do the
meter same with seawater, bottled

commercial drinking mineral water,
and —when available, use also samples
of groundwater extracted from wells.
(Note: for synthetic seawater, prepare a
solution with commercial sea salt mix
for seawater aquariums)
pH meter with a
small-diameter
electrode
(for test tubes)
50-mL beakers

Experimental Sequence

Calibrate the conductivity and pH meters. Place
each sample in a clean beaker.

1. Measure the conductivity/salinity percentage of
the samples by introducing the conductivity
probe. Rinse the probe with D.I. water between
samples, and collect the rinses in a separate
beaker.

2. Measure the pH of the samples by introducing
the pH probe. The pH meter must be set up and
ready in advance.

Note: When not in use, the pH meter must remain
in STANDBY mode and the probe bulb must stay
submerged in an appropriate solution (typically apH

1. Water Characterization

7 buffer, or a KC1 solution). The pH probe must be
rinsed perfectly between measurements and before
storage. Blot dry it before each measurement.

B. Chloride Concentration by Titration
Applying the Mohr Method

In this part of the experiment the student will mea-
sure the chloride ion concentration in the water sam-
ples by promoting the formation of a white silver
chloride precipitate, with the chromate ion as indi-
cator of the endpoint (signaled by the formation of
a red-brownish silver chromate).

Estimated time required: 15 min per sample
Safety Measures

Keep the titrant and the indicator from coming into
contact with the skin or eyes because silver nitrate
produces brown spots on the skin and the chro-
mate indicator is toxic. All the residues generated in
this experiment must be collected in a heavy metal
residue bottle.

Materials Reagents

1 microburet (i.e., a 2-mL
graduated pipet in 1/100, with
a syringe connected to it by
means of latex or Tygon
tubing)

2 2-mL volumetric pipets

1 propipet or a syringe (e.g., a
3-mL syringe with latex or
Teflon tubing)

2 25-mL or 10-mL Erlenmeyer
flasks

6 50-mL beakers (for the
sample, for the titrant and for
the buret rinsing)

1 support and clamps for the
microburet

1 Beral pipet

1 wash bottle with distilled or
D.I. water

1 25-mm plastic filter holder

1 10-mL syringe

1 wash bottle with D.1. water

0.7 pm Nitrocellulose filter
membranes (25 mm diameter)

pH meter or pH indicator paper

1 thin spatula

1 bottle for residues

— Potassium chromate
indicator (dissolve
0.05 g of K2CrO4 in
10 mL of D.I. water)
— 0.01 N AgNOj3 solution
— Standard 0.01 N NaCl
solution
— Distilled or D.I. water
— Activated carbon
— CaCO3




Experimental Procedure

Experimental Sequence

1. Secure the microburet in the stand with a clamp.
Pour a small amount of standardized 0.01 N
silver nitrate solution (see the “Note below) into
a beaker and from this, take a small amount
with the microburet (using the syringe); rinse the
buret. Repeat this step with another small amount
of the solution. Collect the rinses in a separate
beaker. Fill the microburet with the same silver
nitrate titrant up to the 2 mL mark.

2. If the sample is colored and shows high turbidity,
add a small amount of activated carbon and
pass the sample through a 0.7 pm nitrocellulose
filter. Use a clean, 10-mL plastic syringe to draw

5. Titrate drop wise, swirling the flask gently un-
til the sample turns a pink-yellowish color. Note
that a grayish precipitate forms, and at the end
it takes on the color of the indicator. Record the
volume of titrant used. Place the residues in the
corresponding bottle, together with the rinse wa-
ter used to wash the flasks.

Repeat the process with each water sample.

6. All the residues generated in the experiment must
be collected in the bottle labeled for that purpose
and disposed of according to local regulations.

The concentration of chloride ions in the sample
is calculated with the following equation:

(V titrant, mL) (Weight-equiv. of CI7) (Normality of AgNQO;) (1000 mg/g)

Conc. CI7, mg/L =

in the sample. Connect the plastic syringe to the
filter holder containing the filter membrane, and
let the liquid flow through by pushing the syringe
plunger softly. Collect the filtered sample in
another beaker. Filter approximately 20 mL of
the sample (colorless and free of suspended
solids).

3. Measure the pH of the sample (using either pH
indicator paper or the pH meter). If the pH is
below 5, add a small amount of sodium carbon-
ate and swirl gently before the next step. If the
pH values are strongly basic (>10), neutralize
first with dilute sulfuric acid and then add some
sodium carbonate.

4. Measure 2 mL of the water sample (previously
filtered if necessary) with a volumetric pipet, and
put it in a 25-mL or 10-mL Erlenmeyer flask.
Add two to three drops of the chromate indicator
and swirl. Observe the color. It must be greenish-
yellow.

*Note: To standardize the silver nitrate solution, put a
2-mL sample of the 0.1 N standard NaCl solution in an
Erlenmeyer flask and repeat the procedure outlined above.
The volume of titrant used for titration of the standard
sample will allow us to calculate the real concentration of

(V sample, mL})

C. Suifate Concentration Applying the
Turbidity Method

In this part of the experiment the student deter-
mines the presence of sulfate ions in water by ob-
serving the generation of a barium sulfate precip-
itate. Then the turbidity produced in the sample
is measured and related to the sulfate concentra-
tion through a calibration plot. The minimum de-
tection limit with this method is 1 mg/L of sulfate
ion.

Estimated time required: 35 min
Safety Measures

Barium chloride is toxic and must not come into
contact with the skin nor be inhaled. The residues
from the experiment must be collected and deposited
in a bottle labeled for disposal.

the silver nitrate solution. Remember that at the equiv-
alence point, the number of equivalents of the analyte
equals the number of equivalents of the titrant. Use the
equation below for this calculation:

(V, mL of NaCl std. sample) (Normality of the NaCl std.)

Normality of AgNO; titrant =

(mL of the AgNQ; titrant used)



Materials Reagents

2 2-mL, graduated pipets (1/100)

5 10-mL flat-bottom tubes or
vials equipped with a cap and
a micro magnetic stirrer

1 propipet or a syringe adapted
with latex or Tygon tubing

1 1-mL graduated pipet

1 Beral pipet

1 10-mL beaker

1 spectrophotometer set at
420 nm

2 spectrophotometer cuvettes
(5-mL or smaller)

1 5-mL syringe

0.7 pm Nitrocellulose filters
(25 mm diameter)

1 25-mm plastic filter holder

1 wash bottle with D.I. water

6 50-mL beakers

pH meter or pH indicator paper

1 thin spatula

magnetic stirring plate

1 bottle for residues

— Nay SOy standard
solution (150 mg/L).
Note: 1 mL of this
solution is equivalent to
100 micrograms of
sulfate ion

— BaCl; (solid)

— Conditioning reagent*.

*Dissolve 5 mL of glycerin in 3 mL of concentrated HCI and
30 mL of distilled water; add to this mixture, 10 mL of isopropyl
alcohol and 7.5 grams of sodium chloride. Mix everything until
perfectly dissolved. This reagent must be prepared in advance.

Experimental Sequence

A. Prepare at least five dilutions of the sulfate stan-
dard solution. Apply the technique described below
to analyze each dilution, and generate the data to
build the calibration curve. Because the total volume
of sample used with this method is 4 mL, prepare
the following dilutions of the standard:

4 mL of standard = 100%

2 mL of standard + 2 mL of D.1. water

» 1 mL of standard + 3 mL of D.1. water

1.5 mL of standard + 2.5 mL of D.I. water
0.5 mL of standard + 3.5 mL of D.I. water
4 mL of D.I. water as a blank.

All of these dilutions must undergo the entire pro-
cedure that applies to the water samples.

All the water samples must be pre-filtered to free
them of any solids.

B. Use the following technique with each di-
lution of the standard as well as with each water
sample.

1. Water Characterization

1. With a pipet, pour exactly 4 mL of sample into a
vial with a magnetic microstirring rod and cap.

2. With the graduated pipet, add 0.6 mL of the con-

ditioning reagent and stir magnetically. (Note:
The conditioning reagent acidifies the medium
in order to favor the precipitation reaction and to
eliminate the possibility of precipitation of the
barium carbonate that may form in highly alka-
line waters. The glycerin favors the dispersion
of the colloidal precipitate formed in the liquid
medium, allowing a better turbidimetry measure-
ment).
Add a small amount of barium chloride with the
spatula. It is preferable to add an excess of this
reagent, in order to favor the common ion effect
and to accomplish the complete precipitation of
the sulfate ions. Stir constantly.

3. Keep stirring a minute longer; then allow the mix-
ture to stand for 2 minutes. Watch for any tur-
bidity that may form. A turbidity lasting several
minutes (while stirring) signals the presence of
sulfate ions.

4. Turn on the spectrophotometer and set it at

420 nm. Allow it to warm up. Calibrate to 100%
transmittance with a spectrophotometer cuvette
containing D.]. water.

Any barium-treated sample that shows turbidity
must be well mixed and poured into a spec-
trophotometer cuvette and inserted into the spec-
trophotometer. Immediately afterwards, read the
transmittance or the absorbance continuously at
30-second intervals for 4 minutes.

The maximum absorbance (turbidity) is gen-
erally obtained within 3-4 minutes, and some-
times this value lasts for one minute or longer.
This maximum value is used for calculating the
sulfate concentration.

The experimental conditions must be the same
for all samples in order to obtain reliable values.

5. To determine the sulfate concentration of the

water sample, you must first plot the calibra-
tion curve with the data of absorbance vs the
corresponding concentrations (i.e., from the di-
Iutions of the standard ion). Once you know
the absorbance value of the sample, you can
calculate the concentration of sulfate ions in the
water sample.

6. All the residues generated in the experiment

must be collected in the bottle labeled for that
purpose.



Experimental Procedure

D. Total Hardness, Calcium, and Magnesium
lon Concentrations

The student will determine total hardness as well as
the calcium and magnesium ion content in a water
sample applying the EDTA titration method.

Estimated time required: 10 min per sample

Safety Measures

In this case, the student must proceed with caution
in handling the sodinm hydroxide for the pH adjust-
ment. In the event of a spill or skin contact, wash
with abundant water. The residues generated can be
neutralized and flushed down the drain.

Materials Reagents
1 microburet (i.e., a 2-mL 2 M NaOH solution
graduated pipet in 1/100, with a (for pH adjustment)

Solid murexide indicator
Solid eriochrome black

syringe connected to it by means
of latex or Tygon® tubing)

2 small spatulas indicator
1 2-mL volumetric pipet 0.01 Mor0.001 M
1 2-mL graduated pipet (in 1/100) Na;EDTA (sodium

1 propipet or a 3- or 5-mL syringe
(adapted with a small latex or
Tygon® tube)

6 25- or 10-mL Erlenmeyer flasks

4 10-mL beakers

1 pH meter equipped with a
small-diameter combination pH
electrode (for test tube
insertion), or pH indicator paper

1 stand and a clamp for the
microburet

2 Beral pipets

1 wash bottle with distilled or D.1.
water

ethylenediamine tetra
acetate) solution

pH 10 buffer (NH3 /
NH})

Experimental Sequence

1. Measure the pH of the sample with a pH meter
or pH indicator paper. Fill the microburet with

the concentrated EDTA solution, and adjust to a
known volume.

2. In order to measure the total hardness value (i.e.,
the Ca?* + Mg?* concentration), place a 2-mL,
solids-free water sample (measured with a vol-
umetric pipet) in an Erlenmeyer flask. Add 2-
3 mL of the pH 10 buffer, swirl and add one or
two crystals (or a small amount of powder) of
the Eriochrome black solid indicator. Swirl until
total dissolution. The mixture should now appear
with a red wine color. Titrate this with the EDTA
solution to a dark-blue endpoint. If the amount of
titrant needed to reach the endpoint is too small
to be measured, repeat the titration with another
sample using a more dilute titrant (e.g., 0.001 M
EDTA). Note: If the blue color appears from the
start, this means there is no measurable hardness
in the sample.

3. With a volumetric pipet, put 2 mL of the sample
(free of solids) in a 25-mL Erlenmeyer flask. Add
1 mL of 2 M NaOH to ensure that the pH is
frankly basic (pH ~ 11); add one or two crystals
of solid murexide indicator (or a small amount of
its powder), and swirl sofitly until they dissolve.
Titrate with 0.01 M EDTA to a violet endpoint. If
the amount of titrant needed to reach the endpoint
is too small to measure, repeat the titration with
another sample using a more dilute titrant (e.g.,
0.001 M EDTA). This value will let us know the
calcium ion concentration in the sample. Repeat
this method with each water sample.

4. One mole of EDTA is consumed for each mole
of Ca?* or Mg?*. Because the MW of calcium
carbonate is virtually equal to 100, then the con-
centration of Ca or Mg (expressed as mg/L of
calcium carbonate) can be calculated with the
following equation:

Total or Ca?* hardness, mg/L as CaCOs
_ (Viiteane X EDTA Molarity x 100 g/mol x 1000 mg/g)

Vsa\mple
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1. Water Characterization

Date

Instructor

Partner

PRELABORATORY REPORT SHEET—EXPERIMENT 1

Experiment Title

Objectives

Procedure flow sheet

Waste containment procedure

PRELABORATORY QUESTIONS AND
PROBLEMS

1. Explain why the indicated parameters need to be
measured so as to differentiate the three types of
natural waters.

2. Explain what precautions must be taken when
sampling a natural water source.

3. Explain why the pH must be measured on-site,
whereas measurement of the other parameters re-
quires that the samples be refrigerated.

4. Why are polyethylene bottles rather than glass
bottles preferred for storing water samples?

5. Write down the reactions that correspond to the
measuring technique for

a. Chloride ions
b. Sulfate ions
c¢. Calcium ions, and total hardness

6. What causes the conductivity of water? What are
the common units for this parameter?
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7. What is salinity? What ions contribute to its value?
What salinity values are common in seawater? In
groundwater?

8. Why is hardness (as well as calcium and magne-
sium hardness) reported as ppm of calcium carbon-
ate?

9. Why is it necessary to make the pH basic in order
to measure the calcium ion concentration?

10. What would happen in the case of the total hard-
ness EDTA titration if the pH were not adjusted to
10 with the buffer?

11. In what kind of water sample would you expect
to find higher hardness values and why?

Additional Related Projects

* Use the above procedures with other water sam-
ples (e.g., tap water, D.I. or distiiled water, rain
water) and compare the values for the measured
parameters.
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Name Section Date

Instructor Partner

LABORATORY REPORT SHEET—EXPERIMENT 1

Observations
Origin of sample

#1

#2

#3

Observable characteristics of the sample (color, odor, suspended solids present, etc.)

#1

#2

#3

Precautions or measures taken during the sampling. Sampling procedure for each sample

#1

#2

#3
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A. pH and conductivity

Sample number pH of the sample

#1

#2

#3

Sample number Conductivity/percentage of salinity

#1

#2

#3

B. Chloride concentration

B.1. From the experimental data of each sample tested, report the true normality of the titrant.

Normality of the silver nitrate titrant

Volume of the sodium chloride standard solution: mbL
Concentration of the sodium chloride standard solution: N
Volume of the silver nitrate titrant: mL
True concentration of the silver nitrate titrant: N
Equation:

B.2. Calculate and report the chloride concentration in each sample as mg/L.
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Chloride concentration:
Sample number Sample volume, mL Vol. of silver nitrate titrant, mL

#1

#2

#3

Sample number Chloride ion concentration, mg/L.

#1

#2

#3

Equation:

C. Sulfate ion concentration
Data for the standard calibration curve:
Sulfate standard concentration:

Standard dilutions considered:

No. | Standard volume /4 mL | Sulfate concentration | Max. absorbance
4/4

[= 3 AW,  IE N VA Y S

Sulfate calibration curve: Plot the sulfate concentration vs. absorbance and include as an Appendix.
Equation of the calibration curve:
SO}, mg/L =

Correlation coefficient: 12 =
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Experimental absorbance values

Sample #1:

Time, s Absorbance
0
30
60
90
120
150
180

Maximum value:

Sample #2:

Time, s Absorbance
0
30
60
90
120
150
180

Maximum value:

Sample #3:

Time, s Absorbance
0
30
60
90
120
150
180

Maximum value:

Sulfate ion concentration in each sample:

Sample number Sulfate ion concentration, mg/L

#1

#2

#3

13
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D. Hardness concentration

D.1. From the experimental data of each sample tested, report the titration values for the calcium ion and
for the total hardness determination.

Calcium ion concentration

Sample # Sample volume, | EDTA EDTA titrant Ca’*, mg/L
mL concentration, M volume, mL

Total hardness concentration

Sample # Sample volume, EDTA EDTA titrant Hardness as
mL concentration, M volume, mL CaCO;, mg/L

D.2. Report the mg/L of calcium carbonate for total hardness, and the calcium ion concentration in each
sample. Calculate (by difference) the magnesium ion concentration, expressed as mg/L of CaCOs.

Sample # Hardness as Calcium as | Calcium as Magnesium as | Magnesium as
CaCOs, mg/L. | Ca?t, mg/LL | CaCOs, mg/L. | CaCOj3, mg/L Mg>*, mg/L

D.3. Organize the water samples tested in decreasing order of total hardness. Explain the results according
to the nature or origin of the sample.

E. Parameter comparison

E.1. Classify the water samples tested in decreasing order of the following parameters:

pH Conductivity Salinity Chloride conc. Sulfate conc.
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E.2. Look at the parameters measured in these samples and observe the differences in their values as well
as their order. Indicate the main effects resulting from the composition of the samples.

E.3. If possible, calculate the dispersion of the average obtained for each determination in this experiment
and comment on the values achieved.

Student Comments and Suggestions

Literature References

Sawyer, C. N.; McCarty, P. L.; Parkin, G. F. Chemistry  Szafran, Z.; Pike, R. M.; Foster, J. C. Microscale General
for Environmental Engineering, 4th ed.; McGraw-Hill: Chemistry Laboratory with Select Macroscale Experi-
New York, 1994. ments; Wiley: New York, 1993.



Experiment 2

Dissolved Oxygen in Water

Reference Chapters: 6, 7, 8

Objectives

After performing this experiment, the student shall
be able to:

¢ Determine the level of dissolved oxygen in a sam-
ple of water using Winkler’s method.

* Analyze the effects of various factors on the level
of dissolved oxygen in a water sample (e.g., salt
content, temperature, degree of mixing, and the
presence of reducing compounds).

Introduction

The level of dissolved oxygen in water is one of the
most important parameters in determining its qual-
ity, because it indirectly indicates whether there is
some kind of pollution. Common processes that pol-
lute surface waters include the discharge of organic
matter derived from municipal sewage or industrial
wastes, and runoff from agricultural lots and live-
stock feedlots. In addition, the release of warm or
hot discharges from industrial cooling towers in-
duces what is known as thermal pollution. Such dis-
charges directly affect the Ievel of dissolved oxygen
in water bodies, which is crucial for the survival of
aerobic organisms and aquatic fauna such as fish;
in fact, excessive pollution has caused massive fish
deaths. In the long run, the discharges of organics or
of nutrients favor the accelerated eutrophication or
productivity process with algal blooms. As a con-
sequence, there will be a lowering of the dissolved
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oxygen content (or DO level) and the “death” of the
aquatic system. (See Section 8.4.2).

The measurement of the DO is also important
to determine whether a water system is predomi-
nantly aerobic or anaerobic, predict the survival of
aquatic organisms, and predict whether aerobic bi-
ological processes can take place for transforming
the biodegradable organic contaminants discharged
in water. When there is an organic discharge, the
DO decreases rapidly due to the action of the aer-
obic microorganisms that consume oxygen during
the metabolic degradation of organic matter (see
Chapter 7). Consequently, the presence of dissolved
oxygen is critical for the self-cleansing of the water
system, and in combination with the presence of
CO,, it is also critical for the determination of the
corrosive character of water on materials such as
iron and other metals.

The DO depends on water temperature, dissolved
salts, atmospheric pressure (and therefore of alti-
tude), the presence of reducing compounds, sus-
pended matter, and living species. The aquatic flora
and fauna can contribute to the consumption or to
the production of oxygen in water. For the aquatic
flora, the photosynthesis process is responsible for
the generation of oxygen in the presence of light; this
explains the DO fluctuations during the day/night
cycles and in the different seasons.

The presence of microorganisms and biodegrada-
tion processes affect the DO level as well. This can
also vary vertically, decreasing in the water column
in lakes, large deep rivers, or the ocean due to strat-
ification. By contrast, in rivers and streams it can
vary horizontally along the course of the river flow,
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increasing where there are waterfalls or rapids, and
decreasing in the slow-moving portions of the river
and in those with organic discharges or microbial
activity. Since the dissolution of air in water is an
interface mass-transfer phenomenon, the degree of
contact and of mixing with water is also important.

The content of oxygen in air is only 21% (v/v)
and it dissolves in water according to the following
equation:

ey

This can be represented by Henry’s law (see Section
6.2.1):

Oz(g) & O2aq)

KH,Oz = MO;,w/PO; (2)

where

Ku 0, = Henry’s constant for oxygen
= 1.29 x 10~>mol/L-atm (at 298 K)
Mo, w = [O2aq)] = concentration of the dissolved
oxygen in water, in mol/L
Po,(g) = partial pressure of oxygen in air at
ambient temperature, in atm

Because the partial pressure of oxygen is approx-
imated as po,¢) = 0.21 Py (in atm), one can de-
termine its concentration in water (in ppm) with this
relationship by multiplying it times the MW of oxy-
gen by 1000 (i.e., 32,000):

Mo, ., (inmg/L) = (Kg,0,) (Poyxg)
= (KH»OZ) x 0.21 % 32,000 (3)

Henry’s constant for dilute solutions may approach
the real equilibrium constant for the dissolution re-
action; however, as the ionic strength of the solution
increases, this is no longer correct, and activities or
effective concentrations must substitute concentra-
tions in the equilibrium ratio. Since oxygen is a non-
electrolyte, it undergoes a salting-out effect where
the water molecules bind to salts, reducing the sol-
ubility of the gas.

One of the two common methods for measur-
ing the DO in water involves an amperometric
method based on a selective electrode for oxygen,
which is the most direct type of measurement. The
other, more traditional method involves a volumet-
ric titration—it is known as Winkler’s method and
consists in the oxidation of Mn?* ions by the dis-
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solved oxygen under basic conditions. This step of
the reaction is called the oxygen-fixation. If there
is no oxygen present, this step generates a white
precipitate of Mn(OH);; if there is oxygen present,
a brown precipitate of MnO(OH); and MnO, is
formed. This precipitate is dissolved with an acid,
and when iodide ions are present, they are oxidized
to molecular iodine, I, which gives a brownish
color to the solution. The amount of liberated io-
dine is directly related to the amount of dissolved
oxygen. This iodine is titrated with a standardized
sodium thiosulfate solution, using a starch indicator
for the endpoint. The presence of nitrites can inter-
fere and affect the results noticeably; however, if
sodium azide is added, it transforms the nitrites into
N; and N,O. The addition of azide is known as the
modified Winkler method.

In this experiment, students will take several sam-
ples of water—some of them saturated with air—
and measure the DO using Winkler’s method, in a
semi micro scale adapted from an original method
proposed by Ondrus (see Ondrus, 1993).

Because the mixing of reactants must be done
without introducing additional air to the sample, a
10-mL syringe is used (instead of a standard DBO
bottle). In this way, the sampling, the addition of
reactants, and the reaction all take place in the sy-
ringe. Another option is to use a small vial of known
volume, equipped with a septum seal, and add the
reactants to it with a syringe. At the end, the sample
is deposited in a small Erlenmeyer flask and titrated
to the endpoint.

The temperature, the mixing and salt content of
a water sample are to be modified as well, so as
to allow visualization of the factors that affect the
dissolution and the concentration of oxygen in wa-
ter. Finally, to observe the depletion of oxygen by
the addition of a reducing compound, one can mea-
sure the DO before and after reaction with a re-
ducing agent. The DO is measured with the same
method described above or with the selective elec-
trode method.

Experimental Procedure

Estimated time to complete the experiment: 15 min
per sample
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Materials

Reagents or samples

1 10-mL plastic syringe with
its extreme adjusted with a
plastic éipet tip or a piece of
Tygon™ tubing and a valve;
or 1 10-mL bottle adapted
with a septum seal

1 3- or 1-mL syringe with the
needle cut

1 100-mL volumetric flask

2 50-mL volumetric flasks

2 50-mL Erlenmeyer flasks

1 Beral pipet

1 25-mm filter holder

1 10-mL syringe

6 25-mL beakers

0.7 £ 25-mm Nitrocellulose
filters

i microburet (e.g., a 2-mL
1/100 graduated pipet with a
3- or 5-mL syringe adapted
with latex or Tyg0n®
tubing; or an insulin syringe
adapted with a thin Tygon®
tubing, see Figure I)

1 wash bottle with D.1. water

3 air pumps (e.g., aquarium air
pump) equipped with Tygon
tubing and a diffuser

5 100-mL beakers

1 support stand and clamps for
the microburet

1 ice bath

3 thermometers or
thermocouples

2 hot plates with sand bath

1 stir plate

1 magnetic stirrer

1 small spatula

1 25-mL graduated cylinder

1 bottle for residues

1 10-mL graduated pipet

1 weighing balance

0.22 M MnSO4

Alkaline 0.3 M KI and
sodium azide solution.
(Dissolve 5gof KI, 2.4 g
of NaOH and 0.3 g of
NaN3; made up to 100 mL)

0.018 M H,S04 (dissolve
1 mL of pure acid to a total
of 100 mL with D.I. water)

0.00025 M freshly-prepared
standard Na;S>03 solution

sodium metabisulfite,
Na,S,05 (solid)

starch indicator solution

NaySO3 (solid)

NaCl (solid)

CoCl, (solid)

tap water

D.1. water

river or lake water

Safety Measures

Sulfuric acid is corrosive and contact with the skin
or eyes must be avoided. All the residues generated
in this experiment must be disposed of in a special
container identified for that purpose.

Before proceeding with the experiment, obtain
the value of the current barometric pressure.

Note: An incorrect sampling process in natural wa-
ters can alter the results considerably due to the in-

2. Dissolved Oxygen in Water

troduction of extra-dissolved oxygen. In order to
sample correctly, take the sampling bottle or vial
with a gloved hand and introduce it slowly and hor-
izontally down the water surface to the height of
the sampling site. Rinse the bottle with water under
the surface, then fill it completely and cap it inside
the water or immediately after it reaches the sur-
face; make sure that there are no air bubbles trapped
inside. If samples from deeper levels are needed, a
special sampler must be used.

Part A. Measurement of the Dissolved Oxygen
Level (D.O.) of an Air-Saturated Sample of
D.I1. Water and of a Sample of Tap Water

1. Place approximately 50 mL of D.I. water in a
100-mL beaker and saturate it with air by aeration
with an air pump through a diftuser, for at least
20 minutes. Write down the ambient temperature.

2. In the meantime, apply Winkler’s method to a
tap water sample. This technique will be used
throughout the experiment, with all samples.

3. After aeration, determine the D.O. level in the
saturated D 1. sample using the same technique.

Steps in the Microscale Winkler’s Technigue

1. Rinse the 10-mL syringe prepared as shown in
Figure 1 by pulling the plunger and slowly draw-
ing approximately 2 mL of the water sample.
Then, turn the syringe upwards and tap the body
of the syringe softly so as to liberate the small
bubbles on the surface of the plastic material.

j::
n € Syringe L
&= Clasp valve &= Septum
Qe 10-mL
bottle or vial

FIGURE 1. Adapted syringe or vial for reaction.
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Let them buoy to the tip and press the plunger
to release them from the syringe. Now turn the
syringe downwards and slowly push the plunger
to expel the entire sample. This procedure will
leave a small amount of water filling the tip of
the syringe. If the plunger is then softly pushed
further, a small drop of water will form at the tip
of the syringe.

2. Now take approximately 6 mL of the target water
by introducing the tip of the syringe deep inside
the water sample in the beaker, and slowly pulling
out the plunger. No visible air bubbles, except
those of the sample, must be contained in the
syringe.

3. Next, incline the syringe tip upwards and slowly
push the plunger in, so as to expel the necessary
volume and leave exactly 5 mL of sample inside.
If a vial is used instead of the syringe, fill it to
capacity (record the exact volume added), and
seal it with a septum.

Care must be taken in order to prevent any air
bubbles from getting into the syringe or vial as the
following reactants are introduced:

a. Draw 0.5 mL of the manganese sulfate solution
into the syringe or vial (hereafter called the reac-
tion chamber). Take care not to introduce more
than what is specified, because once the solution
is inside, it cannot be taken out. If you use a sy-
ringe, close its tip using a septum, or by either
bending or clasping tightly a piece of tubing at-
tached to the tip. If you use a vial, introduce the
reactant with the syringe. In either case, after that,
shake the system up and down several times to
mix the contents well.

b. Draw 0.5 mL of the alkaline iodide-azide solu-
tion into the syringe or vial in the same manner as
in the previous step. The plunger tip must now be
at the 6 mL mark. Once more close the tip of the
syringe and mix thoroughly as mentioned above
(i.e., allow it to react mixing the contents by shak-
ing the reaction chamber up and down at least 10
times or for 1 or 2 minutes). Observe the kind
of precipitate formed. If it is cloudy-brownish,
this signals the presence of manganese hydroxide
(III), which also indicates that there is dissolved
oxygen present. If it is a cloudy-white precipi-
tate, then this means that no dissolved oxygen is
present.
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c. Carefully draw 2-3 mL of 0.018 M sulfuric acid
into the reaction chamber in the same manner de-
scribed above. Shake the entire reaction mixture
carefully but thoroughly until the precipitate dis-
solves in the acid medium. If a small residue of
precipitate remains, add a very small amount of
extra acid so as to dissolve it.

(Note: After adding sulfuric acid, the presence of air
in contact with the sample will not affect the results).

The color of the final solution (from pale yellow
to brown) will depend on the amount of dissolved
oxygen initially present in the sample. The darker
the color, the higher the amount of initial oxygen
dissolved. A brown color reflects the presence of I‘z’
(in the form of I).

Once the reaction is complete (i.e., the precipitate
isdissolved), dispense the content of the syringe into
a clean, 50-mL Erlenmeyer flask. Use 3-5 mL of
D.I. water to rinse the body of the syringe and add it
to the sample in the flask. Fill a microburet with the
0.00025 M Na,S,0; solution and titrate the iodine
in the sample (liberated as 1) to a yellowish color.
Then add two to three drops of starch indicator. A
green to blue color must develop. Softly, swirl the
Erlenmeyer flask and continue titrating slowly to a
colorless endpoint. Record the total volume of titrant
used.

Part B. Dissolved Oxygen Measurement of an
Aerated D.1. Sample Pre-treated with a
Reducing Agent

Take a sample of 20 mL of the aerated D.I. water,
place in a beaker, and with a thin spatula add a very
small amount of a reducing agent, that is, sodium
sulfite or sodium metabisulfite, and a small crystal
of cobalt (II) chloride as catalyst. Let the mixture
react, then take a filtered sample of the treated water
and apply the same technique as before to measure
the dissolved oxygen. Observe the result after the
reducing treatment, and compare it with the D.O. of
the original sample (i.e., aerated D.I. water).

Part C. Effect of Temperature in the
Dissolved Oxygen Level in Water

Prepare three different samples of D.I. water of
50 mL each in a beaker, and place them in different
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temperature baths: for example, (a) one in an
ice bath (~4°C), (b) a second one at 40°C and,
(c) another at 80°C. These last two may be pre-
pared in a sand bath, each at different temperature.
With the air pump let air bubble into the separate
samples in their corresponding baths, for at least
10 minutes each. After this, determine the tem-
perature, take a sample of each, and measure the
dissolved oxygen level using the modified Winkler
technique.

Part D. Effect of lonic Strength in the
Dissolved Oxygen Level in Water

Because the ionic strength or salt content will affect
the dissolved oxygen level, prepare 100 mL of a
blank solution containing 50 g/L. of NaCl. Prepare
three beakers: (1) in one beaker, put 50 mL of the
blank solution; (2) in a 50-mL volumetric flask, di-
lute 30 mL of the blank solution to 50 mL; (3) pre-
pare another 50 mL in a volumetric flask with 15 mL
of the blank solution diluted with D.I. water. Place
each solution in a beaker and saturate with air for
at least 15 minutes, and then take a sample and
measure the D.O. with the same modified Winkler
method.

2. Dissolved Oxygen in Water

Part E. Dissolved Oxygen Measurement of
Two Samples of Surface Water (River or
Lake): One Fixing the Oxygen on Site and the
Other, After Transporting it to the Laboratory

1. Carry out the measurement of dissolved oxygen
with the modified Winkler technique of a river or
lake surface water sample. The most reliable re-
sults are obtained if the sample is processed and
the dissolved oxygen is fixed through the first
two reactions of the Winkler method at the site
of sampling, after which the processed sample
is carefully transported to the laboratory for the
titration process (three samples for more relia-
bility). The sampling may be done with a vial
or directly with the syringe. That is, carry out
the first three steps of the Winkler technique, and
leave the titration step for the laboratory.

2. Take another surface water sample at the same
site and this time do not fix the oxygen (i.e., do
not add any reactants); only take care to cap the
sample well until it is measured in the laboratory.
Then, take the capped sample to the laboratory
and carry out the Winkler technique as specified.
After doing this, you will see the difference in
the measurements on site and off site.
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Name Section
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Date

Instructor.

Partner.

PRELABORATORY REPORT SHEET—EXPERIMENT 2

Objectives

Procedure flow sheet

Waste containment procedure

PRELABORATORY QUESTIONS

1. Explain why the dissolved oxygen content of an
environmental sample of water is important.

2. Look up the reported limit values for dissolved
oxygen in water so that a system may support
aquatic life. What would be the limit value for a
system to still be considered aerobic? Anaerobic?

3. Explain what contributes or favors an increased
value of dissolved oxygen in water.

4. Which are the main types of poilutants that affect
the level of dissolved oxygen in water?

5. In what cases would it be undesirable for dis-
solved oxygen in water to be present?

6. Establish all the chemical reactions that take place
in the modified Winkier Method.

7. Explain what is understood as the ionic force of
a solution, what determines it, and how it can be
calculated.

8. Explain the concept of salting out and how it af-
fects the solubility of non-electrolytes.

9. What other concept and units besides mg/L is
used to express the presence of dissolved oxygen in
water? How is this calculated?

10. Using the theoretical approach, calculate the
saturation concentration of dissolved oxygen under
standard conditions.
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11. Using the theoretical approach, explain how
you would calculate the concentration of dis-
solved oxygen at other latitudes and at other
temperatures.

Additional Related Projects

¢ Consider allowing the reduced sample to re-aerate
and measure the D.O. level with time in order
to determine when the reducing agent is con-
sumed and how fast the saturation level is attained
again.

¢ Consider using in the experiment samples
from other natural systems, for example, ocean
water.

2. Dissolved Oxygen in Water

¢ An additional experiment can be carried out in

which an air-saturated water sample properly
seeded with activated sludge is dosed, and the
D.O. is measured with time.

Another experiment would be to add a smalil
amount of a biodegradable organic substrate to
an air-saturated water sample seeded with acti-
vated sludge and to measure the level of dis-
solved oxygen vs. time (preferably with the
amperometric method). Winkler’s method has the
disadvantage of being a destructive test, and there-
fore the amount of mixture or sample would
have to be large enough to allow the mea-
surements, yet not interfere too much with the
process.
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Name Section Date

Instructor. Partner.

LABORATORY REPORT SHEET—EXPERIMENT 2

Part A. Measurement of the dissolved oxygen level (D.Q.) of an air-saturated sample of
D.I. water and a direct sample of tap water

Experimental data

Sample A#1: Air-saturated D.1. water

Temperature:

Barometric pressure:

Sample volume used:

Color of the observed precipitate after the first two reactant additions:

Sample A#2: Tap water

Temperature:

Barometric pressure:

Sample volume used:

Color of the observed precipitate after the first two reactant additions:

Titrant: Titrant concentration:
Sample mL of titrant D.O. concentration, mg/L
Air-saturated D.I. water
Tap water

Formula used:
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Part B. Dissolved oxygen measurement of an aerated D.l. sample treated with a
reducing agent

Experimental data
Sample B#1: Aerated D.I. sample treated with a reducing agent

Temperature:

Barometric pressure:

Sample volume used:

Reducing agent:

Color of the observed precipitate after the first two reactant additions:

Titrant: Titrant concentration:
Sample mL of titrant D.O. concentration, mg/L
B#1 | |

How does the value compare with the two previous samples? Was the reducing agent efficient?

Part C. Effect of temperature in the dissolved oxygen level in water

Barometric pressure:

Sample volume used:

Titrant: Titrant concentration:
Sample D.O. concentration,
Sample temperature, °C mlL of titrant mg/L
A#1
Ca
Cb
C.c

How do the values vary with temperature?

Part D. Effect of ionic strength (or salt content) in the dissolved oxygen level in water
Experimental data

Barometric pressure:

Sample volume used:

Titrant: Titrant concentration:
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Theoretical
Conc. NaCl, ionic strength, D.O. concentration,
Sample mg/L I (mol/L) mL of titrant mg/L
A#1 0 0
D.a
Db
D.c

Formula used and calculations for the ionic strength:

Draw a graph of D.O. concentration as a function of ionic strength.

Part E. Dissolved oxygen measurement of two samples of river or lake surface water:
1) Fixing the oxygen on site, and 2) after transporting it to the laboratory.

Experimental data
Sample E#1: Surface water measured on site

Source:

Description of site and place (level) of sampling:

Sampling conditions or precautions:

Temperature:

Barometric pressure:

Sample volume used:

Color of the observed precipitate after the first two reactant additions:
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Sample E#2: Surface water measured at the laboratory

Source:

Description of site and place (level) of sampling:

Sampling conditions or precautions:

Temperature:

Barometric pressure:

Sample volume used:

Color of the observed precipitate after the first two reactant additions:

Titrant: Titrant concentration:
% saturation with
D.O. concentration, respect to saturated

Sample mL of titrant mg/L D.I. water

E#1

E#2
POSTLABORATORY PROBLEMS 2. Explain how you calculated the saturation per-
AND QUESTIONS centage of the samples.

1. Does the value of the measured parameter differ 3 Is each D.O. level acceptable for aquatic life?
from one sample to another? What may be the causes Why?

of such differences? 4, Why is it important to measure this parameter on

site?
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Student Comments and Suggestions
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Experiment 3

Alkalinity and Buffering Capacity of Water

Reference Chapters: 6, 8

Objectives

After performing this experiment, the student shall
be able to:

¢ Determine the alkalinity and buffering capacity
of several types of water samples: surface water,
groundwater (mineral water) and sea water.

* Prepare different solutions or mixtures of acids
and their conjugate bases (i.e., buffers), and mea-
sure their buffering capacity by titration with acids
and bases.

¢ Calculate the concentrations of an acid and of its
conjugate base to create a buffer for a desired
buffering capacity at a specific pH.

¢ Prepare a buffer system.

Introduction

This experiment will allow the determination of the
alkalinity and buffering capacity of water samples
from different natural sources. The buffering capac-
ity is the ability to neutralize the pH and the re-
sistance to change in it due to the small acidic or
basic inputs or discharges. When a system is poorly
buffered, the addition of even small amounts of an
acid or a base will noticeably alter its pH, but when
a system is well buffered, the same addition barely
modifies its pH (i.e., it becomes relatively insen-
sitive to the addition of small amounts of acids or
bases). The buffering capacity of a system is defined
as the moles/L of strong acid (or strong base) needed
for a change in one pH unit of a solution. A typical
buffer is formed by a combination of a weak acid
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(or base) with its corresponding salt. For example:

HAgq 2 H(flq) +Aug (1a)
The equilibrium (acidity) constant is:
(H')[AT]
= — 1b
[HA] (1b)

from which we can derive the equation of pK,
(= —log K,) with respect to the pH:

pH = pK, + log([A"]/[HA])

This is known as Henderson—Hasselbalch equation
and it is built under the assumption that [H*] or
[OH™] « [HA] and [A~], where HA = weak acid,
and A~ = the corresponding anion generated from
the salt. In a well-buffered system, the greatest re-
sistance to changes in pH will occur when the ratio
of concentrations of the acid and its salt are approx-
imately equal and therefore the pK,, will be equal to
its pH. From the above equation it is clear that this
occurs at [AT]/[HA] = 1.

By knowing the pK, of the buffering acid, one
can estimate the pH at which its greatest buffering
capacity will be centered. The pH of a buffer solution
is affected by two factors: the concentration ratio,
[A-1/[HA] (i.e., the inverse ratio of the acid to the
conjugate base), and the strength of the parent acid
or base. The stronger the parent acid or base in the
buffer solution, the more extreme will the buffer’s
pH value be.

The buffering capacity depends on the concen-
tration of the buffer, and on the type and concentra-
tion of the acid or base to be added to the buffered
solution. In selecting the right working buffer for a
specified pH, it is common to consider that its pK,

(2a)
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must be at least one pH unit above or below the
working pH.

The buffering capacity in natural waters is mainly
due to the carbonate system and its equilibria. There-
fore, it is important to know the alkalinity of the
system, because this will provide the capacity for
neutralizing an acid. The expression for alkalinity
(i.e., dissolved species only) or acid neutralizing ca-
pacity (ANC) (i.e., the whole sample) is generally
based on the carbonate system:

Alkalinity = ANC = [HCO; ]
+2[CO; 1+ [OH"] - [H'] (2b)

and this property is expressed as mg/L (or in eq/L,
in the case of ANC) of the equivalent calcium car-
bonate.

The ANC of natural water systems depends on
the composition of the watershed. If there are min-
erals with poor solubility in the surrounding soil, the
ANC will be low, whereas if calcareous minerals are
present, there will be a high ANC. Some dissolved
organic substances derived from decaying plant ma-
terials may also contribute to the ANC capacity of
the water.

In this experiment the student will use samples
as those considered in Experiment 1 and determine
their alkalinity and buffering capacity. The student
will also prepare a series of solutions where the con-
centration of a known conjugate salt will vary, mea-
sure how the buffering capacity changes with the
proportions of the salt, and calculate the buffering
range or limits. In this case, the proportion of salt
that gives the highest buffering capacity or range
(and its corresponding pH) will be determined. Fi-
nally, the student will calculate the composition of a
buffer solution required to give a specified pH; pre-
pare it based on theoretical concepts and equations,
and measure its pH and buffering capacity.

Experimental Procedure

Estimated time required to complete the experiment:
This depends on the number of samples analyzed
(approx. 5-20 min per sample per analysis).

This experiment may be carried out in one or two
sessions.

The first step is to obtain water samples. The stu-
dent should obtain the samples from the original
sources similar to what was done for Experiment
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1. Appropriate samples include river or lake water,
groundwater (if possible from a well, and if not, a
sample of bottled mineral water—preferably from a
natural source), seawater (if not available, it can be
prepared synthetically or obtained from a commer-
cial source). The samples must be collected in clean
polyethylene bottles and analyzed immediately after
sampling; otherwise, the values may vary substan-
tially.

Materials Reagents

1 pH meter with a thin test tube
pH combination electrode

polyethylene bottles

4 50-mL beakers

1 1-mL volumetric pipet

2 2-mL microburet

1 three-finger clamp

2 Beral pipets

5 25-mL beakers

2 10-mL volumetric pipets

mineral or groundwater
river or lake water

seawater

D.I. water

0.25M, 0.1 M NaOH
phenolphthalein indicator
methy! orange indicator
bromocresol green indicator
025M,0.1 M, 0.01 M HCl
0.01 M Na25203

1 2-mL volumetric pipet 0.1 M Na;COs
3 10-mL Erlenmeyer flask 0.1 M NaHCO;
2 propipet bulbs or adapted 0.1 M KH,PO4

syringes 0.1 M K,;HPO4
1 universal stand 0.1 M H3PO,

1 buret clamp

2 5-mL volumetric pipets

1 2-mL graduated pipet (1/100)
1 stirring plate

1 micro magnetic stir bar

5 25-mL volumetric flasks

1 50-mL volumetric flask

2 25-mL burets

The first part of the experiment (Part A) measures
the pH and alkalinity of the water samples and com-
pares the values among them as well as with those of
tap and distilled or DI water. The alkalinity will be
measured by titration with dilute hydrochloric acid
up to three specific pH values: 8.3, 7 (i.e., neutral-
ity), and 4.5. This will make it possible to calculate
the different contributions of the species responsible
for the alkalinity. The acid-base indicator phenolph-
thalein is used to indicate the 8.3 endpoint and to ob-
tain the P-alkalinity. Results can be best interpreted
in the light of the discussion of Section 6.3.1.1 and
Example 6.5.

To identify the amount of acid needed to reach
the 4.5 endpoint, one may use methyl orange or
bromocresol green indicators. This titration indi-
cates the presence of the rest of the carbonate ions
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present (when it reaches a pH near 6.5) and of all
the bicarbonate ions present up to pH 4.5. The total
amount of acid indicates total alkalinity. For a more
accurate titration, the pH must be followed withapH
meter. The student will compare the amount of each
titrant added and the pH of each sample, besides de-
termining the alkalinity and graphically determining
the buffering capacity of each. The student will also
identify the weak or strong buffers.

In the second part of the experiment (Part B) the
student will prepare solutions with different pro-
portions of carbonate and phosphate salts, and will
titrate them to evaluate their buffering limits and the
proportion that will yield the best buffering capac-
ity. The student will observe the effect of varying
the proportions of the acid to the conjugate base as
well as of altering the concentration of the buffer-
ing constituents present. The differences among the
conjugate systems used will also be observed.

In Part C the student will use the Henderson—
Hasselbalch equation to determine the conjugate
base/weak acid ratio to buffer a desired pH and pre-
pare it experimentally. The initial pH and buffering
capacity are then determined by titration, and they
are monitored through the pH changes that result
from adding specific amounts of standardized acid
or base.

Safety Measures

The titrants should not come in contact with the
skin or eyes because they may be corrosive. The stu-
dent must consider all the safety measures normally
taken when handling this kind of reactants. In case of
spillage of an acid solution or of skin contact, wipe
clean with a clean cloth and wash thoroughly and
abundantly with water (sprinkle the table or surface
with sodium bicarbonate). All of the residues gen-
erated in this experiment can be disposed of down
the drain once they have been neutralized.

Experimental Sequence
Estimated time required: 5 min per sample
Part A. Measurement of alkalinity or ANC

Samples and procedure:

1. Collect samples (or prepare them synthetically)
of: (1) river or lake water, (2) ocean water, (3)
mineral water (or if available, use groundwater),
(4) tap water, and (5) D.1. water. Use a calibrated
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pH meter throughout the entire experiment and
wait until stable readings are obtained.

. Measure the pH and temperature of each sam-

ple. If the pH is above 8.3, determine the
P-alkalinity. If it is not, only the M-alkalinity
(i.e., methyl orange or bromocresol green alka-
linity at pH = 4.3) can be measured.

. If pH < 4.3, measure the acidity of the sample.
. To prevent masking of the endpoint when us-

ing colored indicators, make sure the sample is
colorless and free of turbidity. To have this con-
dition, filter the sample prior to titration and—if
the color were a problem—add a small amount
of activated carbon (prior to filtration). Filtra-
tion can be done by means of a syringe equipped
with a filter holder and a fine-pore filter. To elim-
inate any free chlorine that might interfere with
the titration, add a drop or two of 0.01 M sodium
thiosulfate.

. Place a microburet in a stand, rinse it with a

small amount of the 0.01 M acid titrant, and fill
it to the desired mark.

. With a volumetric pipet, take a 10-mL portion

of the water sample and place it in a 25- or
50-mL beaker. Place a micro magnetic stir bar
inside the beaker and put the beaker on a stirring
plate. Immerse the bulb of the pH electrode in
the liquid sample, without touching the stir bar.
Measure the pH.

. Add 2 to 3 drops of the phenolphthalein indi-

cator (e.g., with a Beral pipet). Observe if any
color appears.

. If upon adding the P indicator there is no color,

then the P-alkalinity is zero. In this case, im-
mediately add 1 to 2 drops of the methyl orange
(or of the bromocresol green) indicator and start
titrating to the endpoint.

. If a pink color appears upon adding the phe-

nolphthalein indicator, titrate drop wise (in 0.1
or 0.2 mL increments), stir gently, and record
the resulting pH and volume of titrant added.
Note the pH reading at the point when the color
of the indicator disappears (it must be close to
8.3). Then, immediately add 2 to 3 drops of
the methyl orange (or the bromocresol green)
indicator, and continue the titration until the ex-
act 4.5 endpoint is reached (the solution turns
salmon in the case of methyl orange or yellow-
ishin color, in the case of the bromocresol green
indicator).
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10. Repeat the same technique for each water
sample.

B. Buffering Capacity

Estimated time required: 15 min per sample

Method
B.1 Buffering capacity of natural samples. The
measurements carried out in part A to determine
the alkalinity of several water samples will also
serve to determine the buffering capacity of each
sample.

B.2 Factors that affect the pH and buffering capacity

B.2.1 Prepare a NayCO3 + NaHCO; solution by
introducing with a volumetric pipet 10 mL of
freshly-prepared 0.1 M solutions of each salt into
a 25-mL volumetric flask. Add D.I. water up to the
mark. Mix perfectly and pour the resuiting solution
into a 50-mL beaker.

(a) Based on the known pKa values and the
Henderson—Hasselbalch equation, calculate the
pH of this solution.

(b) Immediately after preparing the solution, mea-
sure its pH by placing the pH electrode inside
the solution and reading the stabilized value. Re-
member that if the solution is aillowed to rest for
a long time, atmospheric CO, will dissolve in it
and the pH values will be altered.

(c) Rinse a 25-mL buret with 0.25 M HCI and fill
it with the same acid solution. Start titrating the
solution with the pH probe inside, gently mixing
with the magnetic stirrer. Add small increments
of acid. Record the volume of acid added and the
resulting pH; make sure that by adding the acid
there is a change of more than one pH unit in
the resulting solution. Preferably in the last part
of the titration, switch from the 25-mL buret
to a microburet in order to add small increments
(e.g.,0.1 mL) up to the lowest constant pH value
attainable. Record all your data.

B.2.2 Proceed exactly as in point B.2.1, but use
5 mL of each carbonate and bicarbonate solution
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TABLE C.1 K, and pK,, Values for the Acid and
Conjugate Base of the Phosphoric Acid System
Acid Conjugate base Ka pKa
H3PO4 H,PO; 7.62 x 1073 2.12
H,PO; HPO3~ 6.23 x 1078 721
HPO}~ PO}~ 22x 1071 12.67

(instead of 10 mL) and follow the same technique
as established in B.2.1 (a) through (c).

B.2.3 Proceed exactly as in point B.2.1, but use
10 mL of the Na,CO; solution and 1 mL of the
NaHCO; solution.

B.2.4 Proceed exactly as in point B.2.1, but use
10 mL of the NaHCO; solution and 1 mL of the
Na,COj solution.

B.2.5 Proceed exactly as in all the previous steps,
but use 5 mL of a KH,;PO, solution and 5 mL of a
K>HPO, solution.

C. Calculation, preparation and evaluation of a
specified pH buffer solution

Estimated time required: 20 min per sample

Method

C.1 Based on the K, values for the phospho-
ric system (see Table C.1) and the Henderson—
Hasselbalch equation, the student groups will pre-
pare 50-mL of a phosphate buffer with a requested
pH. (The proportions used in experiment B.2.5 are
not permitted here). For example, the groups can
prepare buffers with pH values of 4, 5, 6, 7, 8, or
higher.

Each group will then take its corresponding buffer
and measure the acid buffering capacity and base
buffering capacity, using the following method. Use
a calibrated pH meter throughout the entire experi-
ment and wait until stable readings are obtained.

C.2.a Immediately after preparing the phosphate
buffer solution, place 25 mL in a 50-mL beaker and
measure its pH.

C.2.b Proceed as in point B.2.1 (c).

C.2.c Repeat the process with another 25 mL
aliquot of buffer solution, but this time titrate with
0.25 M NaOH. Record all your titration volumes.



32 3. Alkalinity and Buffering Capacity of Water

Name Section Date

Instructor. Partner.

PRELABORATORY REPORT SHEET—EXPERIMENT 3

Experimental Title:

Objectives

Flow sheet of procedure

Waste containment procedure



Prelaboratory Report Sheet

PRELABORATORY QUESTIONS AND
PROBLEMS

L.

2.

Explain why it is important to know the ANC
of a water sample.

Explain the meaning and importance of the
“buffering capacity of a natural water system.”

. Which are the main natural buffering systems

and the predominating pH values of the main
types of waters on Earth?

. Explain what the sensitivity to an acid discharge

for an aqueous natural system means and what
parameters define this sensitivity.

. Use the Henderson—Hasselbalch equation to ex-

plain under what conditions the pH = pK,.

. State how to calculate (and perform the calcu-

lation) the necessary amounts needed to pre-
pare 500 mL of a phosphate buffer having a pH
of ______if youhave 1 M solutions of each of
the species of the phosphate system.

. Explain what the buffering index is, and what

parameters typically affect its value.

. What is the difference between the acid buffer-

ing capacity and the base buffering capacity of
a system?
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9. Based on your response to question 6, cal-
culate the buffering index for that specific
buffer.

10. Explain how to determine experimentaily the
buffering index of a sample.

11. In which of the five kinds of water samples
would you expect to find a higher buffering ca-
pacity? Why?

12. Explain what is a Gran plot titration for ANC
calculation; how it is carried out, and what are
the equations involved.

Additional Related Projects

¢ Use buffer systems with different components
from those used here (e.g., citric acid, formic
acid, ammonium chloride, ascorbic acid, and
acetic acid) and follow the procedures described
above.

¢ From the systems described in the previous related
project, select the most adequate acid-conjugate
base system and the acid/base proportion required
in order to obtain a desired pH. Test your predic-
tion experimentally.



34 3. Alkalinity and Buffering Capacity of Water

Name Section Date

Instructor. Partner.

LABORATORY REPORT SHEET.
POSTLABORATORY PROBLEMS AND QUESTIONS—
EXPERIMENT 3

PART A. ALKALINITY or ANC

Origin of sample:

#1

#2

#3

Visible characteristics of the sample (color, odor, suspended solids present, etc.)

#1

#2

#3

Precautions observed during the sampling. Sampling procedure for each sample:

#1

#2

#3
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EXPERIMENTAL DATA
1)pH
pH of the samples:

#1

#2

#3

#4 Tap water.

#5 D.1. water.

2) Alkalinity measurement:
SAMPLE #1:

Volume of water sample:

Titrant: Titrant concentration:

35

mL of titrant pH

mL of titrant

pH

Volume of titrant to reach pH = 8.3:

Volume of titrant to reach pH =4.5:
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SAMPLE #2:

Volume of water sample:

Titrant: Titrant concentration:

mL of titrant pH mL of titrant pH

Volume of titrant to reach pH = 8.3:

Volume of titrant to reach pH = 4.5:

SAMPLE #3:

Volume of water sample:

Titrant: Titrant concentration:

mL of titrant pH mL of titrant pH
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mL of titrant

pH

mL of titrant

pH

Volume of titrant to reach pH= 8.3:

Volume of titrant to reach pH=4.5:

SAMPLE #4:

Volume of water sample:

Titrant:

Titrant concentration:

mL of titrant

pH

mL of titrant

pH

Volume of titrant to reach pH = 8.3:

Volume of titrant to reach pH = 4.5:
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SAMPLE #5:

Volume of water sample:

Titrant: Titrant concentration:

mL of titrant pH mL of titrant pH

Volume of titrant to reach pH = 8.3:

Volume of titrant to reach pH = 4.5:

PART A. Data analysis:

1. From the experimental data obtained with each sample tested, report the alkalinity values and the
concentration of each alkalinity species present (as mg/L of CaCO3).

Why is distilled water considered to have no buffering capacity?

To calculate the alkalinity, apply the following formula:

(V acid, mL) (M, acid solution)(100 g/mol CaCO;) (1000 mg/g)
(V of sample, mL)

Alkalinity, mg/L. CaCO; =
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Sample

P-Alkalinity as CaCO;

M-Alkalinity as CaCO;

Total Alkalinity as
CaCO3

#1

#2

#3

#4

#5

To determine the approximate concentration of hydroxide, carbonate and bicarbonate ions in each sample,

one can use the following relationships and assumptions:

Volume of titrant to Predominant Concentration of the
reach the endpoint chemical species chemical species
V,=0 HCO3 = M alkalinity
Vi =0 OH~ = P alkalinity
Vp=Vy Co%- = P alkalinity
OH~ = (P — M) alkalinit
Vo > Vs 2 ( ) alkalinity
CO5~ = M alkalinity
Vp < Vi and the Ccoj~ = 2P alkalinity
pH is between 8.2-9.6 HCO3 = (M — 2P) alkalinity
Vp < Vi and pH > 9.6 co?Z” = 2(M — P) alkalinity
OH- = (2P — M) alkalinity

Note: The P (phenolphthalein) endpoint = pH 8.3, and the M (methyl orange or bromocresol green) endpoint = pH 4.5.

The dominant species at 4.5 are assumed to be bicarbonate and carbonate, and when OH™ ions are
present, no bicarbonate ions can be present. It is also assumed that [H] is not relevani in alkaline pH

values, and that one half of the carbonate ions present become neutralized at the 8.3 endpoint.
With the above information, determine the speciation of the alkalinity in each sample:
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Sample [H7 | [oH] |[HCOs]][COs"]
#1
#2
#

#5

2. Observe the differences between the values of these samples and indicate what has influenced the

composition of these samples.

#1
#2
#3

Tap water
#4

D.I. water
#5

3. Based on the experimental values of ANC obtained with the different samples, classify these

samples according to their sensitivity to acid discharge.

Sample Sensitivity Justification
#1
#2
#3
#4
#5
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PART B. BUFFERING CAPACITY

B.1.a EXPERIMENTAL DATA
SAMPLE #1:

Volume of water sample:

Titrant: Titrant concentration:

mL of titrant pH

AV,

ApH

41

Estimate the pH value at which the maximum rate of change of pH per unit of volume (i.e.,

ApH/AV) occurs:
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SAMPLE #2:

Volume of water sample:

Titrant; Titrant concentration:

mL of titrant pH AV, ApH

Estimate the pH value at which the maximum rate of change of pH per unit of volume (i.e.,
ApH/AYV) occurs:
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SAMPLE #3:

Volume of water sample:

Titrant: Titrant concentration:

mL of titrant pH AV, ApH

Estimate the pH value at which the maximum rate of change of pH per unit of volume (i.e.,
ApH/AV) occurs:
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SAMPLE #4: Tap water

Volume of water sample:

Titrant: Titrant concentration:

mL of titrant pH AVy ApH

Estimate the pH value at which the maximum rate of change of pH per unit of volume (i.e.,
ApH/AV) occurs:
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B. 1.b Determine the buffering capacity of each sample:

For this purpose, you must consider the largest volume of base added in order to raise the pH by one
unit. Then, convert this volume into moles of base consumed per initial volume of buffer

(considered in liters).

Sample Buffering capacity
#1
#2
#3
#4
#5

Which of the measured samples has the highest buffering capacity?

At what pH does this solution buffer?

B.2 Factors that affect the buffering capacity

B.2.A
Buffer B.2.1:
Buffer:

Volume of sample:

Titrant: Titrant concentration:

mlL of titrant pH AV, ApH
0 - -
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mL of titrant

pH

AV},

ApH

Estimate the pH value at which the maximum rate of change of pH per unit of volume (i.e.,
ApH/AV) occurs:

Buffer B.2.2
Buffer:

Volume of sample:

Titrant:

Titrant concentration:
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Estimate the pH value at which the maximum rate of change of pH per unit of volume (i.e.,

mkL of titrant

ApH

ApH/AV) occurs:

Buffer B.2.3
Buffer:

Volume of sample:

Titrant:

Titrant concentration:

47
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mL of titrant pH AVy ApH

Estimate the pH value at which the maximum rate of change of pH per unit of volume (i.e.,
ApH/AV') occurs:
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Butter B.2.4
Buffer:

Volume of sample:

Titrant: Titrant concentration:

mL of titrant pH AV, ApH

Estimate the pH value at which the maximum rate of change of pH per unit of volume (i.e.,
ApH/AV) occurs:
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Buffer B.2.5
Buffer:

Volume of sample:

Titrant: Titrant concentration:

mL of titrant pH AVy ApH

Estimate the pH value at which the maximum rate of change of pH per unit of volume (i.e.,
ApH/AV) occurs:
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B.2.b.1 Determine the buffering capacity of each sample:
For this purpose, you must consider the largest volume of base added in order to raise the pH by one

unit. Then, convert this volume into moles of base consumed per initial volume of buffer
(considered in liters).

Buffer Buffering capacity
B.2.1
B.2.2
B.2.3
B.24
B.2.5

Which of the measured samples has the highest buffering capacity?

At what pH does this solution buffer?

B.2.b.2 Determine theoretically the buffering index of each of the buffers mentioned above.

Buffer Buffering Index
B.2.1
B.2.2
B.23
B24
B.2.5

B.2.b.3 Determine experimentally the buffering index of each of the buffers studied.
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Buffer Buffering Index
B.2.1
B.2.2
B.23
B.2.4
B.2.5

Include the pertinent graphs and calculations.

B.2.b.4 Relate the differences in composition of the different buffers to the corresponding responses:
DH, buffering capacity, buffering index. What do you conclude with respect to their differences and

responses?

PART C: CALCULATION, PREPARATION, AND EVALUATION OF A SPECIFIED pH
BUFFER SOLUTION

Buffer assigned to your team:

Include all the calculations needed to arrive at the composition and volumes used in the preparation

of the corresponding buffer:

C.1.a Acid buffering capacity

Buffer:

Volume of sample:

Titrant: Titrant concentration:




Report Sheet

mlL of titrant

AV,

ApH

Estimate the pH value at which the maximum rate of change of pH per unit of volume (i.e.

ApH/AV) occurs:

C.1.b Base buffering capacity
Buffer:

Volume of sample:
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Titrant: Titrant concentration:

mL of titrant pH AV, ApH

Estimate the pH value at which the maximum rate of change of pH per unit of volume (i.e.,
ApH/AV) occurs:
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C.2.a How does the experimental pH value of the buffer solution that you prepared compare with
the theoretical pH? Is there a deviation greater than 0.5 pH units? Why do you think this is so?

'C.2.b Determine experimentally the acid and base buffering capacity of your buffer solution:
For this purpose, you must consider the largest volume of base added in order to raise the pH by one

unit. Then, convert this volume into moles of base consumed per initial volume of buffer

(considered in liters).

Buffering capacity

Acid

Base

Include all your calculations.
Considering the other buffers prepared in part B, how does yours compare in buffering capacity?

C.2.b.2 Determine theoretically the buffering index of the prepared buffers.

Buffer Buffering Index

Include all the equations and calculations.
C.2.b.3 Determine experimentally the buffering index of the prepared buffer.

Buffer Buffering Index

Include all the pertinent graphs and calculations.

Was your prediction about the buffering index of your assigned solution correct?

What percentage deviation did it present?

Suspected reasons:

If the solution is a buffer, in what pH range does it buffer?



56 3. Alkalinity and Buffering Capacity of Water

Student Comments and Suggestions Dunnivant, F. M. Experiment 21 (Determination of Alka-
linity of Natural Waters) in: Environmental Laboratory
Exercises for Instrumental Analysis and Environmen-
tal Chemistry; Wiley-Interscience: New York, 2004.
Mihok, M. Keiser, J. T.; Bortiatynski, J. M.; Mallouk,
T. E. Experiment 2 (Iron and Alkalinity Determi-
nations) in: “An Environmentally-Focused General
Chemistry Laboratory”, J. Chem. Educ. 2006, 83, 250.
http://jchemed.chem.wisc.edu/Journal/Issues/2006/
FebACS/ACSSub/ACSSupp/JCE2006p0250W.pdf
University of Wisconsin-Stout, Chemistry Depart-
Literature References ment. Experiment 8 (Acidity and Alkalinity of
Drinking Water) in: Environmental Chemistry Lab
Andersen. C. B. “Understanding Carbonate Equilibria by Manual. Laboratory and Lecture Deconstrations.
Measuring Alkalinity in Experimental and Natural Sys- http://www.uwstout.edu/faculty/ ondrusm/ondrusm/
tems,” J. Geochem. Educ. 2002, 50, 389-403. manual/index.html



Experiment 4

Aqueous Carbonate Equilibria and

Water Corrosiveness
Reference Chapters: 2, 5, 6

Objectives

After performing this experiment, the student shall
be able to:

¢ Determine experimentally if a calcium carbonate
dissolution reaction has reached equilibrium.

¢ Measure equilibrium-determining parameters and
use them to predict the corrosive or deposit-
forming capacity of an aqueous solution by ap-
plying Langelier’s and Ryznar’s indexes.

Introduction

Natural aqueous carbonate equilibria play key roles
in the characteristics of a water body or a water sam-
ple and its buffering capacity. In Nature, such equi-
libria depend on the solubility constant and there-
fore on the concentration of Ca?* and the various
carbonate forms. These equilibria will be highly de-
pendent on pH, CO, concentration in air, CO, solu-
bility, temperature, and pressure. Carbon dioxide in
air dissolves in water, and this process is governed
by Henry’s constant:

COxyg) = COxg) (1)

The carbonate equilibrium is defined by the fol-
lowing equations:

CO2aq + H20 2 HyCO3 Keoq=3.5x 1072 (2)

HyCO; @ HY + HCO; K, =42x107 (3)

HCO; @ HY +C0 Kp=48x10"" (9

It is clear from these equations that the concentra-
tion of each carbonate species is a function of pH.

In circumneutral values of pH, CaCOs; is rather
insoluble, as can be deduced from eq. 5:

CaCOs (calcite) = Ca®™ + CO;~
Ko =48x107 (5

(Values of constants at 25°C).

In circumneutral solutions, the second dissocia-
tion of HyCOj3 (eq. 4) is negligible, and the H' ions
from the first dissociation (eq. 3) react with CaCO;
as follows:

CaCOy) + HT & Ca’t + HCO;  (62)

and therefore, the overall dissolution reaction of cal-
cite in the presence of aqueous CO; is:

CaCOs() + Hy0(1y + COyaq) = Ca’* + 2HCO;
(6b)
As discussed in Chapter 2, if one considers an
ideal (i.e., infinitely dilute) solution, an equilibrium
equation for reaction 6a (based on the activity of the
species and given by K, éq) can be approximated by
using the concentrations as follows:

Keq = {[Ca®"][HCO; 1}/[H*] )

The consequence of these reactions is that the wa-
ter can be either aggressive (i.e., corrosive), or pre-
cipitating (i.e., tends to form CaCO; deposits). Any
process that increases the amount of CO, present
will increase the H' concentration and displace the
reaction toward the dissolution of calcite. The op-
posite process will favor the formation of calcite de-
posits. The first case may generate pitting in water
distribution systems, and the latter may plug up
water pipes with deposits (especially if the water is
heated, since CaCOjs, is one of the few compounds
that display inverse solubility).
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In an open system (as in a lake), CaCOjs(, and
H,0 will be in contact with atmospheric CO, and
thus will tend to achieve the above equilibria. The
presence of calcareous material in lake beds in-
creases the buffering capacity of the lake.

In closed systems there is less contact with atmo-
spheric CO, as well as a smaller possibility for its
volatilization. This is the case of groundwater, where
only small amounts of CO, would be present derived
from low biological activity in the surrounding soil
due to its poor organic content. This affects the pH
of water and therefore the concentration of each ion,
as predicted by the equations just discussed.

To find out whether reaction 6 has reached equi-
librium, one can determine its free energy change. If
it is positive, the reaction will tend towards precipi-
tation, and if it is negative, the dissolution of calcite
will dominate. This free energy change is given by:

AG=AG°+RTInQ’ (8)
where
AG® = —RTn K, = —RT In [{(Yca+icahy,,-
YHCO; [HCO; Jeg )/ YE* [H* 1oy ] &)
and

Q' = conditional reaction quotient
= (Yea*[ca?t] * YHCO; [HCO; 1)/

(Yu+u+1) (10)

If one can measure the concentrations of the species
involved, the equilibrium character of the water (i.e.,
corrosive or precipitating) can be determined.

Another approach is to measure the ion product of
[Ca?*] and [CO3™], and compare it to the solubility
product of CaCOs), considering the concentrations
as an approximation of each species activity or cor-
recting it with the activity coefficient:

[Ca®F1[CO3 1 = Kyp an

This is also known as the driving force index, DFI
defined as:

DFI = {[Ca**][CO3™1}/Kp (12)

The closer the DFT is to unity, the more stable will
the water be; as it deviates from that value, water will
be corrosive or deposit-forming.

Another method of measuring the departure from
equilibrium is to compare the ion product through
several practical indexes that are strongly related to
corrosion or to deposit-forming tendencies of the
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solution. The most common indexes are Langelier’s
and Ryznar’s.

In both cases it is important to know the value of
pH at which water with a given [Ca?*] and alkalinity
is at saturation equilibrium (at a given temperature).
Then, this value is compared to the actual pH of the
solution. The formulas for such indexes are given
below.

(a) Langelier index, LI

LI = pH — pH, (13)

where pH; is the pH required for saturation. The
different tendencies of the solution under analysis
are given in the following scheme.

Solution Tendency
LI
Saturated To precipitate
0 At equilibrium At equilibrium with the solid
Unsaturated To dissolve the solid further

The condition of LI = 0 is seldom observed in wa-
ters used in industry since it is preferable to promote
the formation of a slight deposit on iron pipes for
protective reasons.

A disadvantage of the LI is that it does not con-
sider the calcium complexes formed at pH > 8. In
fact, the LI is only valid between pH 6 and 8.

(b) Ryznar index, RI
This empirical index is calculated with the fol-
lowing equation:

RI = 2pH, — pH (14)
Tendency of the water
RI
4 Very corrosive and very acidic

8.5 e

80 +
Corrosive and acidic

75 4

70 e _

6.5 1~ At equilibrium and essentially neutral

60 +
Tends to form deposits or precipitates

B B R
Forms deposits or precipitates easily




Introduction

and the tendency of the water is given in the follow-
ing scheme.

To calculate pHy, one determines the pH of the
equilibrium reaction from the relationships in equa-

tions 4, 5 and 15:
pH, = —log[H*]; (15)

where [H*]; is the hydrogen ion concentration at
saturation. Then,
K,,[Ca®*][HCO; ]

K

pH, = ~log[H"]; = —log
sp
(16)

where
_ [COf 1[HT]
a2 = [HC—O;]
and K, is taken from eq. 11. Then,
pH, = —log(K.,/Kp) — log[Ca>*] — log[HCO; ]
a7

or

pH, = —log(K,,/Kp) + plCa’*] + p[HCO; ]
(18)
From the simplified definition of alkalinity (i.e., con-
sidering only the hydrogen, hydroxide, bicarbonate,
and carbonate ions contribution to the alkalinity; see
Section 6.3) one has:

Alkalinity = [HCO; ] + 2[CO3"] + [OH] — [H']

19
As stated above, the L1 is valid only at 6 < pH < 8,
where the predominant carbonate form in natural
waters is the bicarbonate ion. Here, Alk > [H'],
[OH™]. Then, ALK ~ [HCO; ] and therefore the
equation for pH; can be rewritten as:

pH, = pK,, — pKsp + p[Ca®*] + p[ALk]  (20)

If a more rigorous calculation is desired for cases
where the solutions have higher ionic concentra-
tions, the chemical equilibrium concentrations will
be significantly affected by the activity coefficients.
Therefore, equation 20 will be expressed as follows:

pH; = pK,, — pKy + plCa®"1 + p[ALk]
—log Yo+ — 108 Yuco;

where yc,2+, Yuco; are the activity coefficients of the
corresponding ions and depend on the ionic strength,
I, of the solution. Therefore, these can be calculated

21)
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with the following approximation by Guntelberg of
the extended Debye—Hiickel equation.

logy; = [0.5(ZH) YL+ 1% (22)

where Z; is the charge of each ith ion present, and
[ is expressed as a function of the total dissolved
solids, TDS (in mg/L):

[ =25x 107 TDS (23)

Another rigorous approach for the calculation of
pH,, involves making explicit the alkalinity equation
as a function of [Ca®*] and [H*];. Then, the other
concentrations are substituted by their equivalents
as follows:

Alkalinity = [HCO; ] + 2[CO3 1 + [OH™] — [H']

4

[OH™] = Ku/[H']; (25)

[CO3™] = Kyp/[Ca®*] (26)

[HCO; ] = [H*)[CO}")/K,, @7

[HCO;] = {[H"]Kyp}/{Ka,[Ca®* ]} (28)
Therefore:

Alkalinity = {[H*],Kgp}/{ Ko, [Ca ]} +2(Kp /[Ca*])
+(Kw/[H ) — [H*]y) (29)

The value of [H]; is solved with equations 20 and
29 either by an iterative process, a regression, or a
numerical method. Then this value is corrected with
its corresponding activity coefficient as a function
of the total dissolved solids, using equations 22 and
23.

To correct the equilibrium constants for tem-
perature (in degrees K), one can use the standard
equations proposed for the range of 273 to 373 K.

pKy = (4471/T) + 0.01706 T — 6.087  (30)
pK,, = 107.88 +0.0325 T — (5151.79/T)
—38.926 log T + (563713.9/T%)  (31)
pKsp = 171.907 + 0.0078 T
—(2839.32/T) - 71.5951og T  (32)

The method used in the present experiment consists
inanalyzing for pH, AIk, [Ca2+], and TDS ina series
of synthetic or natural water samples, in order to
determine their characteristics with respect to the
calcite dissolution equilibrium and to the corrosive
or deposit-forming potential.
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Experimental Procedure

Estimated time to complete the experiment: 3 h (ap-
prox. 15 minutes per sample + 5 minutes for weigh-
ing before and after the sample is dried in the oven).

Materials Reagents
1 pH meter 0.002 M H,S04
5 500-mL beakers 0.01 M H,SO4

2 magnetic stirrers

6 small stir bars

0.8 micron acetate filter
membranes

1 25-mm plastic filter
holder

1 10-mL syringe

1 propipet

2 5-mL graduated pipet

2 5-mL volumetric pipet

12 10-mL beakers

12 25-mL beakers

1 analytical weighing
balance

1 drying oven (105°C)

1 dessicator

1 crucible tong

2 crystallizing dishes

phenolphthalein indicador

(0.1 g of phenolphthalein in
100 mL of a 1:1 water: ethanol
solution)

bromocresol green indicator or a
mixed indicator (e.g., 0.02 g of
methyl red and 0.1 g of
bromocresol green in 100 mL
of ethanol)

0.01 M NaOH

standard buffer solutions

(pH 4, 7 and 10)

murexide indicator

0.001 M EDTA

D.I. water

CaCOs

NaHCO3

Ca(OH);

(medium size)
1 microburet
(see Experiment 1)
1 2-mL volumetric pipet
1 spatula
2 Beral pipets
1 thermometer
1 2-mL graduated pipet
1 25-mL graduated cylinder
6 50-mL Erlenmeyer flasks
3 25-mL Erlenmeyer flasks
1 universal stand
1 three-finger buret clamp

Safety Measures

One must be careful with the titrant for the al-
kalinity test so as to prevent it from coming into
contact with the skin or eyes, since sulfuric acid is
corrosive. All the residues generated in this experi-
ment can be disposed of down the drain once they
have been neutralized.

For each sample, the following techniques must
be followed:

(a) pH measurement
(b) alkalinity measurement
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(c) calcium ion concentration measurement
(d) total dissolved solids

Note: Some of these techniques have already been
discussed in experiments 1-3.

Method

A. Effect of pH on the characteristics of a calcite
solution sample

Use D.I. water to prepare 500 mL of a CaCO;
solution containing 0.5 g (do this 1 week in advance
in an open vessel). This calcite solution is called
solution A. Measure its pH and temperature. Place
a 25-mL portion in a graduated cylinder and then
place it in a 50-mL Erlenmeyer flask. Repeat the
operation preparing five more flasks. Number each
sample (including the first one described above) as:
1,2, 3,4, 5, and 6. To the first three flasks add in-
creasing amounts of 0.01 M H,S04 (1,2, and 4 mL,
respectively), and to the other three flasks add 0.01
M NaOH (1, 3, and 5 mL, respectively). Mix each
sample thoroughly (most contain solids), measure
their pH, and then allow them to react by mixing
with the magnetic stirrers or a rotary shaker for at
least 2 h. After this time, perform the measurements
for each sample established in part B including a
sample of the original A solution.

B. Characterization of each water sample

Prepare the following:

* Solution B: Add 0.9 g of CaCOs to carbonate-
free D.1. water (previously boiled and capped D.1.
water) for a total of 500 mL. Prepare this solution
in a closed vessel, without any free space, one
week prior to the experimental session.

¢ Solution C: Add 0.9 g of CaCOs to D.I. water
for a total of 500 mL. Prepare this solution in an
open vessel, one day prior to the experimental
session.

* Solution D: Add 0.9 g of CaCO; to D.I. water
for a total of 500 mL. Prepare this solution in an
open vessel, the same day of the experimental
session.

¢ Solution E: Prepare a 0.1 M calcium bicarbonate
solution by reacting 0.05 moles of Ca(OH), and
0.1 moles of NaHCO; in 500 mL of D.I. water.

e Solution F: Use a natural water sample (e.g.,
groundwater).
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Then, proceed as follows:

1. Measure the temperature and pH of each water
sample (solutions A through F and 1 through 6,
after the 2 h of reaction). Then carry out each of
the following determinations with each solution.

2. Filter approximately 15 mL of the sample into a
beaker, and take a 2-mL portion with a volumetric
pipette. Place it in a 25-mL Erlenmeyer flask and
titrate for alkalinity with dilute H,SO4 solution
using phenolphthalein indicator, then after the
endpoint, add the bromocresol indicator with a
Beral pipet and titrate to the subsequent endpoint.
The total volume of titrant will equal the total
alkalinity. Note each of the volumes used in the
titration.
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0.001 M EDTA to the endpoint. Note the total
volume of titrant used. Repeat the process with
each problem solution.

. Weigh a marked (with a pen) previously oven

dried 10-mL beaker and note the value. Now take
a filtered sample with a 5 mL volumetric pipette
and place it in one of the beakers. Repeat the
process with each problem solution. Place the
beaker or beakers on a crystailizer in the oven
and let them dry at 105°C for at least 3 h or more.
After all the samples are dry, place them in a
desiccator until they are at ambient temperature
and then weigh them again. Note the values. The
difference in weights will correspond to the total
dissolved solids of the sample.

3. Take another filtered 2 mL sample and titrate for

calcium, first adding 0.5 mL of 0.1 M NaOH until
basic and then adding a few crystals of murexide
indicator or other calcium indicator. Titrate with

With the values obtained for each sample, the stu-
dent will be able to determine how far each solution
is from the equilibrium as well as its corrosive or
deposit-forming potential using different indexes.
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Name

Section
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Date.

Instructor.

Partner.

PRELABORATORY REPORT SHEET—EXPERIMENT 4

Objectives

Flow sheet of procedure

Waste containment procedure

PRELABORATORY QUESTIONS AND
PROBLEMS

1.

2.

Explain why natural carbonate equilibria are en-
vironmentaily relevant.

Under what conditions will a calcium solution
tend to precipitate as calcium carbonate?

. Calculate and plot the chemical species distribu-

tion diagram for carbonate. In what pH ranges
does each one of the three carbonate species
predominate?

. What is the main difference between an open

and a closed system for carbonate equilibria?

. Explain the dependence of the dissolved con-

centration of CO, in water with respect to its
COITOSIVE OT NON-COITOsive properties.

. What other parameters (different from the

above) contribute to the corrosive or non-
corrosive nature of water?

. What is the ionic strength of a solution? Why is

the activity coefficient of a species in solution
related to it?

8. What other parameters—besides the TDS—can

be used to determine the ionic strength of a so-
lution?

9. Explain the difference between a reaction quo-

tient and the corresponding equilibrium con-
stant.

10. Establish the electroneutrality or charge bal-

ance expression for calcium carbonate in wa-
ter in contact with atmospheric CO, Develop
this equation as an expression of [H*], pco,
(i.e., the partial pressure of carbon dioxide),
Henry’s constant and the corresponding equi-
librium constants.

Additional Related Project

» Take an aliquot of one or more of the solu-

tions prepared in this experiment, bring it to boil
and repeat the evaluation of the filtered sam-
ples. This will demonstrate the effect of tempera-
ture.
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Instructor.

Partner

LABORATORY REPORT SHEET—EXPERIMENT 4

Part A. Equilibrium characteristics of different water samples (Corresponds to results
Jrom Part B of experimental procedure)

Experimental data.
1) pH measurement
WATER SAMPLE pH Temperature, °C
Sample A (prepared days ago)
Sample B (prepared days ago; closed system)
Sample C (prepared hago)
Sample D (prepared days ago)
Sample E (saturated calcium bicarbonate solution)
Sample F
(source: )

2) Alkalinity measurement:

Titrant:

Titrant concentration:

Sample volume:

Indicators:

and

SAMPLE

WATER mL of titrant for
P-alkalinity

mL of titrant
for total
alkalinity

P-alkalinity,
mg/L CaCOs

Total alkalinity,
mg/L CaCOs mol/L

Total
alkalinity,

Sample A

Sample B

Sample C

Sample D

Sample E

Sample F
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Using the common equations based on the titration volumes, calculate:

WATER
SAMPLE

[OH™ ],
mol/L

[CO5™ ],
mol/L

[HCO;],
mol/L

[H],
mol/L

Sample A

Sample B

Sample C

Sample D

Sample E

Sample F

Include all equations and an example of your calculations.

3) Calcium concentration

Titrant:

Titrant concentration:

Indicators:

Sample volume:

WATER
Sample

mL of titrant

[Ca** ] concentration,

mg/L CaCO3

mol/L,

[Ca** ] conc.

Sample A

Sample B

Sample C

Sample D

Sample E

Sample F

Equation and sample calculation:

4) Total dissolved solids

Sample volume:

mL

WATER
SAMPLE

Weight of dry
empty beaker, g

Weight of
beaker with
dried sample, g

Total dissolved
solids in
sample, mg

Total dissolved
solids (TDS),
mg/L

Sample A

Sample B

Sample C

Sample D

Sample E

Sample F

Sample calculation
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Part B. Effect of pH on the solubility and equilibrium of calcium carbonate
Experimental data

1) pH and temperature measurement

mL
WATER SAMPLE Reactant added added pH Temp., K

Treated sample 1
Treated sample 2
Treated sample 3
Treated sample 4
Treated sample 5
Treated sample 6

2) Alkalinity measurement:

Titrant:

Titrant concentration:
Sample volume:
Indicators: and

mL of titrant | Total alkalinity | Total

mL of titrant for | P-alkalinity, | for total mg/L alkalinity
WATER SAMPLE | P-alkalinity mg/L CaCO; | alkalinity CaCO; mol/L
Treated sample 1
Treated sample 2
Treated sample 3
Treated sample 4
Treated sample 5
Treated sample 6

Using the common equations based on the titration volumes, calculate:

WATER [OH™], [CO5* ], [HCO;~], [H],
SAMPLE mol/L mol/L mol/L mol/L
Treated sample 1
Treated sample 2
Treated sample 3
Treated sample 4
Treated sample 5
Treated sample 6

Include all equations and an example of calculations.
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3) Calcium concentration

Titrant:
Titrant concentration:
Indicator:

Sample volume:

WATER [Ca** ] conc., [Ca** ] conc.,
SAMPLE mL of titrant mg/L CaCOs mol/L

Treated sample 1
Treated sample 2
Treated sample 3
Treated sample 4
Treated sample 5
Treated sample 6

Equation and sample calculation:

4) Total dissolved solids

Sample volume: mL
Weight of Total dissolved Total dissolved
Weight of dry beaker with solids in solids (TDS),
WATER SAMPLE empty beaker, g dried sample, g sample, mg mg/L
Treated sample 1
Treated sample 2
Treated sample 3
Treated sample 4
Treated sample 5
Treated sample 6

Example of calculation:

POSTLABORATORY RESULTS AND DISCUSSION—PART A

For each sample calculate the pHs and the other parameters requested.

WATER Ionic 10gYeas 10gVHCo.-
SAMPLE strength a 3

Sample A
Sample B
Sample C
Sample D
Sample E
Sample F

Temp., K pKa, pK
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WATER

SAMPLE
Sample A
Sample B
Sample C
Sample D
Sample E
Sample F

Langelier | Ryznar

2+
pCa pAlk pH pH Index Index

Reaction R Driving Force
WATER SAMPLE quotient, Q AG AG Index, DFI

Sample A
Sample B
Sample C
Sample D
Sample E
Sample F

Based on the above results, state your conclusions with respect to the characteristics of the solutions
analyzed and classify each one. Justify each answer, on the basis of the values calculated and those
measured.

Has the solution What is the Classification Classification
reached tendency of according to according to

WATER SAMPLE equilibrium? the solution? Langelier Index Ryznar Index
Sample A
Sample B
Sample C
Sample D
Sample E
Sample F

What are the differences between solutions A and B? What causes them?

What differences are observed among solutions A, C, and D? Is there a tendency with respect to the time
elapsed since preparation?

What differences are noted between solutions A and E? What may have caused these differences?
According to your results, can the water source of Sample F be considered acceptable? Why?

How would the values change if the Langelier simplification of considering [Alk] = [HCO} | were substi-
tuted for the true calculated value? How much would it affect the result? Which result is more reliable?

POSTLABORATORY CALCULATIONS AND DISCUSSION—
PART B

For each sample calculate the pHs and the other parameters requested. Do not consider here the value of
alkalinity as equivalent to that of bicarbonates.
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WATER Ionic

SAMPLE strength
Treated sample 1
Treated sample 2
Treated sample 3
Treated sample 4
Treated sample 5
Treated sample 6

log¥ca2+ log¥uco,- Temp., K pKa, pK

sp

WATER

SAMPLE pCa*
Treated sample 1
Treated sample 2
Treated sample 3
Treated sample 4
Treated sample 5
Treated sample 6

Langelier | Ryznar

PHCO; Index Index

pH pH

WATER SAMPLE Reaction AG® AG pH
quotient, Q

Treated sample 1
Treated sample 2
Treated sample 3
Treated sample 4
Treated sample 5
Treated sample 6

Based on the above results, state your conclusions with respect to the characteristics of the solutions
analyzed and classify each one. Justify each answer, on the basis of the values calculated and those
measured.

WATER SAMPLE

Has the solution
reached
equilibrium?

What is the
tendency of
the solution?

Classification
according to
Langelier Index

Classification
according to
Ryznar Index

Treated sample 1

Treated sample 2

Treated sample 3

Treated sample 4

Treated sample 5

Treated sample 6

Conclusions:

Plot the pH; vs pH values for the six treated samples + the original sample A. As a reference, draw a 45°
line.
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pH

Observe the tendency and determine at what pH the solution would reach equilibrium.

Considering the amount of acid and base added, determine the amount of the corresponding substance
required to reach equilibrium. For that purpose, draw a graph of mL of acid and base added vs. pH.

pH

mL ofacid 0 mL of base

General conclusions:

Student Comments and Suggestions Literature References
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Jor Environmental Engineering , 5th ed.; McGraw Hill:
New York, 2003.

Stumm, W.; Morgan, J. J., Aquatic Chemistry: Chemical
Equilibria and Rates in Natural Waters; 3rd ed.; Wiley
Interscience: New York, 1996.

Vanderpool, D. “The pH Values for Cooling Water Sys-
tems”, The Analyst 2004, 11 (2) Spring issue. http://
www.awt.org/members/publications/analyst/2004/
spring/the_ph_values.htm



Experiment 5

The Point of Zero Charge of Oxides

Reference Chapters: 5, 6

Objectives

After performing this experiment, the student shall
be able to:

¢ Understand the concept of point of zero charge
(pzc) of a metal oxide in contact with water in an
operational way.

* Estimate the pzc of a simple metal oxide by per-
forming potentiometric titrations.

* Visualize the importance and applications of the
pzc.

Introduction

Solid metal oxides in contact with aqueous solu-
tions typically become hydrated and form a mono-
layer of surface hydroxyl groups that may become
protonated or deprotonated, depending on the H(J;q)
concentration. This amphoteric behavior allows the
oxide particles to develop electrical charges that are
either positive (when they receive protons) or neg-
ative (when they release protons). In the following
discussion we assume for simplicity that the surface
species of such simple, hydrated metal oxides can
be represented as MOH, and that the processes just
described can be depicted as:

MOH g1 + H?,(;q) = MOH;(surﬂ 4y
MOH ey + OH(_aq) = MO(_surf) + HzO(l) )

Alternatively one can write these reactions as de-
protonations,

MOHj ) = MOHur, + H{y,) (3)
MOHurp & MO, + Hiyy) @)
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in which case the corresponding surface acidity con-
stants (K1, K;») can easily be defined:

K, = ((MOH}[H*])/(MOH;} &)
K. = ((MO™}[H*]/{MOH} ©

where the braces indicate surface concentrations in
mol/g of solid.

If the concentrations of the two types of sites re-
sulting in equations 1 and 2 are the same, there will
be no net charge on the surface. This condition is
called the point of zero proton charge, pzpc (or zero
proton condition, zpc). At solution pH values lower
than that required for attaining the pzpc, the sites
become protonated and an excess positive charge
develops on the surface; here, the oxide behaves
as a Bronsted acid and as an anion exchanger. The
contrary occurs at pH values higher than the pzpc,
where the oxide behaves as a Bronsted base and
cation exchanger. Mixed oxides can have both ex-
change types, depending on the relative pK values
of the different surface sites.

The pzpc can thus be measured by potentiometric
titration if H* and OH™ are the only aqueous ions
involved. In practice, however, electrolytes typically
contain other anions, A~ and cations, C* that may
adsorb onto the surface sites as follows:

MOH; sur) T Ag) & MOH; Agery D
and/or

MOH; (surf) + C?;q) < MO_Cgurf) + 2H(J:lq) ®

In these cases the net surface charge not only de-
pends on the H* and OH~ ions in the medium, but
also on the concentration of the electrolyte (that pro-
vides A, ), ng)). The pH of the aqueous solution at
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Vi, mb

FIGURE 1. Determination of the point of zero charge, pzc of a simple metal oxide by a potentiometric mass titration
technique, PMT. (Note: In this figure we assumed that pzc > 7, but the arguments apply to any other case as well, see
Balderas, 2006 and Vakros, 2002). Reprinted from the Chemical Educator, vol. 11, No. 4, 2006, pp. 267-270, with

permission.

which the sum of the all the surface positive charges
balances the sum of all the surface negative charges
is called the point of zero charge, pzc. In the absence
of sorbed ions other than protons, the pzpc is equal
to the pzc. (Note that the IUPAC recommends using
periods after each letter in these abbreviations, but
for the sake of simplicity we have omitted them).

A simple and fast method that gives a reasonable
approximation to the pzc consists in locating the in-
tersection of one or more titration curves performed
with constant ionic strength and different amounts
of solid, and that of a blank solution (i.e., without the
solid). This is called the potentiometric mass titra-
tion method, PMT. This method is better understood
by analyzing the plot in Figure 1 with the aid of the
explanation given below.

The points g, b, and ¢ in Figure 1 correspond to
the blank solution, and d, e, f, and g correspond to
the sample. The blank solution consists of w mL of
a solution of an inert, supporting electrolyte (e.g.,
KNOs) of concentration x, thus, the point at a cor-
responds to the natural pH of this solution. Upon ad-
dition of y mL of NaOH of concentration z, the pH of

the blank increases to b. By doing a potentiometric
titration with a strong acid (e.g., HNO3), the blank
curve is generated (c is an arbitrary final point).
The initial pH of the sample solution (composed
of w mL of the inert electrolyte solution plus m
grams of the solid hydrated oxide, MOH) is at d
(i-e., below the pzc due to the removal of Ht from
the solution by the neutral surface sites in MOH to
form MOHS (eq. 1). Then, addition of the same y
mL of z M NaOH to this suspension of the sample
brings it to the point e, which is below b. This is
because the OH™ added play three roles: they serve
to neutralize the H;, ) and the MOH ., created
during the @ — d step, and to remove H{,,; from
the resulting MOH sites so as to create basic sites
(MO7™) atthe oxide surface. By doing a potentiomet-
ric titration, the H(’;q) added from e to f (see Region
I of the sample curve) play two roles: some of them
neutralize the OH('aq), and the others neutralize the
MO g5 This is the reason for the smaller pH values
in this curve as compared to those in the blank curve.
On the other hand, the H} | added from fto g

(aq)
(Region II of the sample curve) also play two roles:
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aminor role, i.e., to neutralize the (small amount of)
OH,, remaining in solution and a major role, i.e., to
protonate the neutral MOH ) sites. The difference
in pH between the sample and blank curves in this
region will therefore be essentially proportional to
the amount of solid sample in the suspension.
Between the end of Region I and the beginning of
Region Il in the sample curve, there is a small region

(or even a single point, ) where all the Hz‘;q) added

serve to neutralize the OH(_aq), just as they do in the
blank curve. For this reason both curves intersect at
this point, which is then identified as the pzc. This
intersection should appear at the same pH value for
any amount of oxide placed in the solution.

Literature results also show that a single deter-
mination curve intersecting the blank curve gives
a very good approximation to the true value (see
Vakros, 2002). (We hereby call this the simplified
potentiometric mass titration method, sPMT). In
addition, the pzc determined using this method is
independent of the charging mechanism assumed
for the oxide surface, of the structure of the double
layer, and of the surface-site density.

Surface charge and the estimation of surface
acidity constants

The net surface charge, Q resulting from the ion-
ization processes described by equations 1 and 2,
may be defined as the difference in surface concen-
tration between the positive and negative sites (see
Davranche, 2003):

Q,molg! = {MOH] n} — (MO, 0} (9

If one titrates the solid suspension with a mono-
protic acid (e.g., HNO3), at each point of the titration
the following holds:

Q = (C, — [H']/m

where m is the total amount of solid divided by the
total volume of the suspension, and C, is the con-
centration of the added acid.

By the same token, if the titration is done with a
monobasic hydroxide (e.g., NaOH), at each point of
the titration one has

Q=(-C,+[OH])/m

(10)

1n

where Cj, is the concentration of the added base.
From equations 1 and 2 it is clear that the total
concentration of surface sites, {S}i; is the sum of

5. The Point of Zero Charge of Oxides

the three types of possible sites,
{S}or = {MOH} + {MO™} + {MOHJ}  (12)

{Shot can be experimentally determined by mea-
suring for example the amount of cations removed
from solution by the target solid suspended in it
(see Davranche, 2003).

In order to determine the values of the surface
acidity constants (equations 5 and 6), one can dis-
criminate between the following two cases:

(a) pH values below the pzc

Here the protonated sites predominate and
{MO™} is negligible. Then,

{S}ot = (MOH} + {MOH;'} (13)

Because {MOH] is neutral, the total surface charge
is due to MOHJ only:

Q = {MOH;} = {S} — {MOH}  (14)
Then, by substitution in equation 5 one can obtain
K, in terms of measurable quantities:
Ko = (MOH}[H ™))/ Q
= ({Sho — {MOH; DIH*1/Q
= ({Sha — QIH'1/Q

(b) pH values above the pzc

(15)

Here the unprotonated sites predominate and
{MOH} } is negligible. Then,

{Shot = {MOH} + (MO~} (16)

Because {MOH} is neutral, the total surface charge
is due to MO~ only:

0 ={MO"} an

Then, by substitution in equation 6 one can obtain
K in terms of measurable quantities:

Kz = ((MO™}[H*])/{MOH}
= Q[H+]/({S}tot - Q)

(note that the calculation of K, and of K, requires
the absolute value of Q).

The values of K,; and of K,, vary with pH in
an approximate linear fashion, and the following
relationship has been inferred for the corresponding
pK values:

(18)

pK, = pKany + BQ (19

where pKny) represents the intrinsic value of this
quantity (i.e., the pK, at the pzc) and B is the slope.
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From the values of pK, the value of pzc can be cal-
culated (see a related problem in the Postlaboratory
questions and problems).

We present next a very simple experimental
method to obtain the approximate pzc for sev-
eral environmentally-relevant, simple metal oxides
(TiOy, Si0,, Al,03, ZnO, and MgO). These experi-
ments have the objective of facilitating the compre-
hension of the phenomena involved in many surface
processes involving simple oxides.

Experimental Procedure

Estimated time to complete the experiment: 4 h.

Materials Reagents

1 pH meter AL O3

1 1-mL graduated pipet TiO;

1 2-mL graduated pipet MgO

1 5-mL graduated pipet Zn0O

5 20-mL beakers Si0,

1 magnetic stirrer 0.1 M KNO3
1 microburet 0.01 M KOH
1 universal stand D. I. water

2 10-mL syringes 0.01 M HNO3

1 propipet bulb

Use the following procedure for each oxide. Com-
mercial oxide reagents can be used. Aluminum ox-
ide for column chromatography can also be used.
Make sure to stir for at least 1 minute after every ex-
perimental step before taking and recording the pH
measurements that involve such oxides. The longer
the time allowed before a measurement, the closer
the system will be to the true equilibrium. Depend-
ing on the accuracy desired, the experiments may
be replicated as necessary.
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(a) pzc determination of TiO,, MgO, ZnO and Al O3

Prepare two solutions by mixing 3.0 mL of 0.1 M
KNO; and 6.0 mL of deionized (D.1.) H,O in each
of two 20-mL beakers. Measure the pH of either
one. The first one will be called the blank and the
other, the sample. Add to the blank 1.0 mL of 0.01
M KOH and measure the pH. Add to the sample
50 mg of the solid oxide and measure the resulting
pH. Add 1.0 mL of 0.01 M KOH to the sample
and measure the pH. Titrate the blank with HNO;
0.01 M, and record the resulting curve. Do the same
for the sample, and plot both curves in the same
graph.

(b) pzc determination of SiO;

The case of SiO; is different to those analyzed
above due to its acidic nature, which increases the
amount of OH™ required to deprotonate the initial
sites. In addition, the ratio of the surface acidity of
Si0; to its acidity in aqueous solution is much lower
than that for many other solid oxides. This means
that more OH™ are required than normal to neu-
tralize its aqueous suspensions. To determine the
pzc of SiO,, prepare two solutions by mixing 3.0
mL of 0.1 M KNO; and 5.0 mL of D.I. H,O in
each of two 20-mL beakers. Measure the pH of
either one. Add to the blank 2.0 mL of 0.01 M
KOH and measure the pH. Add to the sample 50
mg of the solid oxide and measure the pH. Then,
add 2.0 mL of 0.01 M KOH to the sample and
measure the pH. Titrate the blank with HNO3 0.01
M, and record the resulting curve. Do the same
for the sample, and plot both curves in the same
graph.
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Name

Instructor.

Section

5. The Point of Zero Charge of Oxides

Date

Partner.

PRELABORATORY REPORT SHEET—EXPERIMENT 5

Experiment Title

Objectives

Flow sheet of procedure

Waste containment and recycling procedure

PRELABORATORY QUESTIONS AND
PROBLEMS

1.

Look-up three applications of the concept of pzc
and explain them in the light of the theory pre-
sented in the introduction.

. In which cases is the point of zero proton charge,

pzpc {or zero proton condition, zpc) different
from the point of zero charge? Explain.

. Predict the relative order of the pzc values of the

metal oxides studied in this experiment on the

basis of the ratio Z/R, where Z is the ionic charge
of the cation and R = 2ry + r; (here, ry is the
ionic radius of the oxide ion, and r is the ionic
radius of the cation). The greater this ratio, the
more acidic the oxide, and the lower the pzc.

Additional Related Projects

¢ Determine the pzc of a unknown solid metal

(hydr)oxide by mass titration. For this, add small
amounts of the solid to an aqueous solution and



Experimental Procedure

measure the pH. The pzc is the point where an ad-
ditional amount of solid does not produce further
pH change. (See Preocanin, 1998).

Determine the heat of immersion of an unknown
solid metal (hydr)oxide and use a known correla-
tion (see Healy, 1965) to estimate its pzc.
Determine the pzc of an unknown solid metal
(hydr)oxide by a differential potentiometric titra-
tion. To this end, titrate a suspension of the solid
and plot [H*] vs. pH. At the pzc there is an inflex-
ion point. If one takes the differential curve, there
is an easily recognizable maximum at that point.
(See Bourikas, 2005).
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* Determine experimentally the total concentration

of surface sites, {Sy} of an unknown solid metal
(hydr)oxide by allowing complex cobalt hexaam-
mine ions to exchange with the cations in the
solid. Quantify the amount of complex remaining
in solution after equilibration. (See Davranche,
2003).

Determine the surface charge, Q of an unknown
solid metal (hydr)oxide by titration as a function
of pH. (See Davranche, 2003).

Calculate the surface acidity constants, K,; and
K42 from the titration data obtained in the previ-
ous project. (See Davranche, 2003).



76 5. The Point of Zero Charge of Oxides

Name Section Date.

Instructor. Partner

LABORATORY REPORT SHEET—EXPERIMENT 5

a) Plot the titration curves (pH vs Vol. HNOs) for TiO,, MgO, ZnO and Al,O; and the corresponding
blank curve.

b) Plot the titration curve for SiO, and the corresponding blank curve.

Volume of the supporting electrolyte ____ ml

Initial pH of the supporting electrolyte

¢) Using your results from the points a) and b), fill-in the following table:

Oxide Amount Supporting electrolyte Initial pH Experim. | Accepted
used, mg (after mixing) pzc pzc

Conc. | Vol pH

POSTLABORATORY PROBLEMS . . ,
AND QUESTIONS of solid oxide suspensions, which uvsually behave

as amphoteric substances. The most common are
*1. The surface-ionization models (or surface- given in Table 1 (see Bourikas, 2005; Blesa, 1997,
complexation models) account for the behavior Davranche, 2003).

TABLE 1. Surface-ionization models (8 and € are fractional charges).

Equilibrium
Name Surface ionization model constants
One site / one pK, M — OH¥* 2 M — O-¥-4 g+ K,
M —-OH} &M - OH + H* K1
One site / two pK, 2
ne site op. "<M——OH4——’M—O"+H+ Ka
To sites /two oK M — OH®t 2M — OHU-9—4 H* Kai
wo sites / two
o PP M — OH(~&+ = M — O¢~+ H Ka

Multisire Myi— OHy% & My — OHJ{”|+ H* K;




Experimental Procedure

As an example of calculation, let us analyze the first
model. Here,
o _ M—00 Y

‘7 [M - OH]

The point where the total sum of positive and nega-
tive changes is zero (i.e., the pzc) is achieved in this
model when [M — OU~9~] = [M — OH®"], since
we assume that the protons diffuse away. Then,
K, =[H"] and pK, = pH = pzc.

Assuming again that the protons dissolve away
and that electroneutrality must be achieved at the
solid sphere, answer the following for the second
model (i.e., one site/two pK,):

(a) How does [M — OH;"] compare with [M — O~]?
(b) Write the pH at which pzc is achieved, in terms
of pK,; and pK ;.

*2.In areal test, 10 g of a river sediment were added
to a 0.1 M solution of a supporting electrolyte (e.g.,
NaNQO3) to a final volume of 100 mL. The resulting
suspension was titrated at first with HNO; and then
with NaOH. By ion exchange, the total surface sites
were calculated as { S}, = 0.00013 mol/g. Selected
data points are given in Table 2. (See Davranche,
2003).

With this information,

(a) Calculate the value of Q at each point

(b) Plot Q vs pH and estimate the value of pzc

(c) Calculate the value of K, at each point below
the pzc

(d) Calculate the value of K, at each point above
the pzc

(e) Caiculate the intrinsic values of pK,; and pK,»

TABLE 2. Experimental titration values
from a river sediment

o V, mL HNO3 pH, meas.
0.1 5.33
0.2 4.86
0.5 447
0.8 402
1 372
e V, mL NaOH pH, meas.
0.1 6.92
0.2 7.07
0.5 7.56
0.8 7.93
1 8.13
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(f) With the values obtained from e), calculate the
pzc and compare it with that obtained in (b).

*3. The surface acidity of a metal oxide may be
considered as Lewis acidity, which is a result of the
electron-accepting character of the oxide surface.
The more acidic the surface, the fewer the acidic
sites to neutralize and the lower the pzc of the oxide.
Since the ionization of a metal M to form the metal
ion M*" in the oxide can be written as

M+ 1 =M+ Ze™

where I is the (total) ionization energy of the element
(in kl/mole), then it follows that the larger the 7, the
higher the acidity of the resulting cation since it will
have a greater tendency to return to its original state
by attracting electrons.

Test for this correlation with your own results
by plotting your pzc vs. I. (Look up the different
ionization energies in a handbook or elsewhere). For
example, the following relationship was found in the
literature (see Carre, 1992):

pzc = 12.2 — 0.0009 1

Student Comments and Suggestions
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Experiment 6

Experimental Transitions in E vs pH
(or Pourbaix) Diagrams

Reference Chapters: 2, 6, 10

Objectives

After performing this experiment, the student shall
be able to:

¢ Verify experimentally many of the transitions in
metal Pourbaix diagrams.

¢ Understand the role of potential in metal specia-
tion.

¢ Understand the role of pH in metal speciation.

Introduction

Different metal species may predominate in a given
aqueous system depending on its pH and redox
potential. To summarize such predominances, Pour-
baix devised a graphical representation that facili-
tates the prediction of the most stable species under
a given set of £ and pH values, as discussed in
Section 2.3. Those reactions involving only elec-
tron exchange are E-dependent and when plotted
they give horizontal lines, whereas those involving
H* or OH™ (but not ¢ ~) are pH-dependent and give
vertical lines. Equilibrium calculations for reactions
involving both (e~ and H*/OH™ exchange) yield
inclined lines.

In the present experiment, several chemical and
electrochemical transitions—some including the
metal itself—can be predicted and verified using
simple reagents and in uncomplicated conditions
(see Ibanez et al., 2005). Copper was selected be-
cause of the different colors of its compounds, its
relatively low toxicity, wide availability in fairly
pure form, and low cost. Ten different transitions

in the E-pH diagram can be readily observed, as de-
scribed below. It is important to respond in advance
the second question in the prelaboratory assignment,
see below. (Note that the equations and the diagram
given there assume 1 M solutions, whereas the ex-
periment is suggested for more dilute conditions.
Also note that due to the qualitative nature of the ex-
periment, the amounts and parameters given below,
in the experimental procedure, are to be taken only
as a guide and thus need not be reproduced exactly).

Experimental Procedure

Estimated time to complete the experiment: 2.5 h.

Materials Reagents

1 pH meter 0.1 M CuSO4
1 well-plate (6) 0.1 M Na,;S04
5 Beral pipets 1 M NaOH

1 1-mL graduated pipet 1 M H,S04

1 2-mL graduated pipet 8 M NaOH

1 U-tube I MHCl

1 5-mL graduated pipet 50 % HNO3
1 magnetic stirrer 1 Zn pellet

1 spectrophotometer D. L. water

1 5-mL beaker

1 hot plate

1-9 V battery, or a DC converter

2 alligator clips

electrodes (graphite rods, stainless steel
and Cu wire)

filter paper

1 propipet bulb

(a) Chemical transitions
For these chemical transitions, use a plastic plate
with at least six wells (with a minimum capacity
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of about 3 mL each). If desired, a thin-stem pH
probe connected to a pH meter may be used to
monitor the pH in the wells (although this re-
duces somewhat the volume available for the
tests; 5- or 10-mL beakers may be used in-
stead of the well-plate). If even smaller volumes
are desired, use a porcelain spot test plate. For
color comparison purposes, place 2 mL of 0.1
M CuSOy in the first well.

1. Cu?t to Cu(OH),

Place 2 mL of 0.1 M CuSO, in the second well
and add dil. NaOH drop wise. When the pH
reaches approximately 4.5, a sky-blue precipi-
tate of Cu(OH); forms. Atthis point, stop adding
NaOH. Save the resulting mixture of solution
and precipitate.

2. Cu(OH), to CuQ2~

Take approximately 1 mL of the reaction mix-
ture produced in the previous step and place it
in the third well. Add a few drops of a highly
concentrated (e.g., 8 M) NaOH solution. Stir.
Caution: NaOH dissolution is an exother-
mic process, and concentrated NaOH is very
caustic. Eye protection must be worn. A pur-
plish deep-blue color indicates the production of
cuprite ion, Cu0,%. Keep this solution for later.
If desired, the absorption spectrum of cuprite
(Amax = 620 nm) can be compared to that of
Cu?* (A\pax = 811 nm).

3. Cu0?~ to Cu(OH),

Remove half of the contents of the third well
and add dilute H,SO4 drop wise (with stirring)
to the mixture remaining in it to a sky-blue color,
which indicates the formation of Cu(OH); pre-
cipitate.

4. Cu(OH), to Cu**

Upon further addition (with stirring) of H,SO4
to the mixture remaining in the third well, the
Cu(OH), precipitate starts dissolving and a nor-
mal blue color appears, indicating that copper is
back to its initial form (i.e., Cu?*).

5. Cu(OH), to CuO

Take approximately 1 mL of the mixture from
the second well, put it in a 5-mL beaker, and
place it on a hot plate. Make sure that the pH

of the reaction mixture is above 9. Then, heat
so as to boil-off the excess water and to de-
hydrate the hydroxide. A black precipitate of
CuO now forms as a result of the hydroxide de-
hydration. Caution: Some splashing may oc-
cur. Wear safety goggles. If desired, the CuO
thus produced can be treated with concentrated
acid (e.g., 50% HNO3) as to yield blue Cu®*.
If the CuOQ is treated with a strong base (e.g.,
a few drops of conc. NaOH and a few drops of
H,O0) and heated, the mixture yields the deep-
blue CuO,?~ ion. (Some time must be allowed in
order to notice the blue color). Caution: NaOH
disselution is an exothermic process. Concen-
trated nitric acid emits toxic fumes, handle
under a fume hood. Wear gloves and safety

goggles.

(b) Electrochemical transitions

To observe the electrochemical transitions, use
the remaining wells on the well-plate. Dip into
each well the required electrodes (e.g., 5 cm of
stainless steel wire, SS, Cu wire, or graphite rod)
as described below.

6. Cut to Cu® (electrolytic)

Place 2 mL of 0.1 M CuSO; in the fourth well,
and adjust the pH to 1-2 with dil. sulfuric acid.
Place two SS wires (cathode and anode, respec-
tively) in the solution. (Make sure that they do
not touch each other). Connect themtoa 9 V bat-
tery or to a DC converter set at approximately
9V (this is the power source). Within a few min-
utes, the cathode will be covered with a reddish
deposit of Cu®. To test for its presence, remove
the cathode and dip the reddish portion in a small
test tube (e.g., S cm long, 0.5 mm diameter)
more than half-filled with 50% HNO; for a few
seconds. Brownish fumes of NO, are indicative
of the presence of Cu®. Caution: Do this step
under a fume hood. Use safety goggles and
gloves to handle the 50% HNO;. These pre-
cautions are imperative because NO, fumes
are toxic, and HNOQO; is highly corrosive to
human tissue.

7. Cu** to Cu® (cementation)

Place 3 mL of 0.1 M CuSO; in the fifth well of
the well-plate. Add Zn metal (either a few mg of
dust or a pea-sized pellet). After some minutes,
observe the Cu® deposit on the Zn surface as
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well as the discoloration of the blue solution.
Compare the color of the solution with that of
the solution in the first well.

8. Cu*t to Cu,0

Place 3 mL of 0.1 M CuSQy in the sixth well
and carefully adjust the pH to approximately
3.5 with dil. sulfuric acid or hydrochloric acid
(and NaOH if needed). Connect two SS wires to
each pole of the power source. Stir. Before long,
an opaque reddish deposit forms on the cathode
surface. To make sure that the deposit is not Cu®,
remove the cathode and dip the reddish portion
in a few milliliters of 50% HNO; as in step 6.
Brownish fumes of NO, are not emitted here
since it is not Cu® that was formed, but Cu,O.
Caution: same as in the aforementioned step.
An alternative test can be performed in the
same way, but using dil. HC] (for example,

0.05 M) instead of 50% HNQs. Here, the Cu,O

deposit dissolves, whereas Cu® metal would FIGURE 1. Altemz}tive experimental ccll‘for transition
number 9. (Reprinted from the Chemical Educator,

Vol. 10, No. 5, 2006, pp. 348-356, with permission).

not.

9. Cu® to Cu**

In a small beaker, place 2 mlL of distilled or
deionized water, and add 10 drops of 0.1 M
Na,SO; as electrolyte. Adjust the pH to 1 with
dil. H,SOy4. Place the resulting solution in a
small U-tube (e.g., 6 mm inside diameter, 5 cm
tall). Insert the electrodes (a graphite rod ora SS
wire as the cathode, and a copper wire of any
gauge as the anode) on each side arm of the U-
tube. Connect the electrodes to the power source
(the Cu wire to the positive). See Figure 1 (the
marker seen there is simply used to hold the con-
nectors with Scotch tape). After 10-15 minutes,
a faint normal blue color appears, indicating the
presence of Cu?* jons coming from the oxida-
tion of the Cu® electrode. If desired, these ions
can be made more visible by adding a dilute
NH4OH solution drop wise.

Note: Color production is faster with a larger
diameter Cu wire; alternatively, make a “paper
ball” from a piece of filter paper, wet it with elec-
trolyte, and insert it as a separator at the bottom
of the U-tube. Yet a third possibility consists

of pouring the solution with the Cu®* newly
produced into the preparation beaker and add
NH4OH as needed to form the highly-colored
[Cu(NH;),]** complex.

10. Cu’ to CuO~

Place 2 mL of 8 M NaOH in a 5- or 10-mL
beaker. Insert a copper wire as the anode and
either a graphite rod or a SS wire as the cath-
ode. (To observe the Cu® to CuO,>~ transition
in a relatively short period of time, it is best to
connect two or three 9 V batteries in parallel
as to have the same voltage, but a higher cur-
rent). Then, connect the electrodes to the power
source (the copper wire to the positive). In a few
minutes a deep-blue color forms in the solution
near the anode surface. Caution: NaOH is very
corrosive to skin tissue and to the eyes. Use
safety goggles and gloves.

All the solutions generated in this experi-
ment must be placed in a container labeled
for this purpose.
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Name Section Date

Instructor. Partner.

PRELABORATORY REPORT SHEET—EXPERIMENT 6

Experiment title

Objectives

Flow sheet of procedure

Waste containment and recycling procedure
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PRELABORATORY QUESTIONS AND
PROBLEMS

*1. Knowing that Zn(IT) hydroxide is amphoteric
and that it forms divalent ions in acidic and in basic
solutions,

a) Replace the alphabet letters in the boxes in
Figure 2 with the chemical formulas of the miss-
ing species.

b) Write the (balanced) equations that describe
each one of the equilibrium lines in this diagram
(except the dotted ones, that represent the wa-
ter equilibria; these two lines do not participate
directly in the Zn equilibria).

¢) Justify chemically and/or algebraically the type
of slope in each Zn equilibrium line.
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at 1 M concentration of dissolved species, 25°C,
and 1 atm. You may draw a simplified diagram,
considering only the following Cu species: (a) dis-
solved species (Cu*, Cu?*, CuO%_), and (b) solid
species [Cu, Cup0g), Cu(OH)y]. The equations
and the associated thermodynamic data necessary
to calculate this diagram are given below. The cal-
culations assume that the solutions do not con-
tain dissolved oxygen. For the sake of simplicity,
the physical state of the aqueous species is not
specified.

Note: If you have not studied the construction
of these diagrams, you may obtain one from the
literature and insert it here.

C1120(s) + H20(1) = 2Cu* + 20H"

pK =294 1)
*2. C.alculate and draw the Pourbaix diagram Cu(OH)ys = Cu®* + 20H"
for Cu in the E range of —2 to 42 V vs NHE
(normal hydrogen electrode), and pH range 0-20 pKyp = 196 @
Eh (Volts) Zn-H20-System at 25,00 C

2'0 1 1 ] i ! ] 1 I 1 1 1 1 1 1 I ! 1
L5 .
T .
os F L T .
A B el
0.0 fove .

______ e c

s+ T e .
10 | \\_\ e -
-1.5 D -

_2.0 L 1 1 L 1 i ] ] 1 [] 1 1 [ £ L L ]

0 2 4 6 8 10 12 14 16 18
C:\HSc4\tempZn25.iep pH
ELEMENTS Molality Pressure
Zn 1.000E-03 1.000E+00

FIGURE 2. A simplified Pourbaix diagram of Zn. (Drawn with the HSC Chemistry 4.0 commercial program).
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Cu(OH)y = Cu0,?~ 4 2H

pKy, = 32.4 (3)
Cut +e~ 2 Cuy
E’ =052V 4)
CuyOf) + 2H™ + 2¢™ 2 2Cug,y + Hy0(y
E° =046V )
Cu*t +e- 2 Cut
E° =016V (6)
2Cu®* + Hy0q) + 26~ 2 CuyO) + 2HT
E'=022V 7
2Cu(OH)ys) + 2H' + 2¢™ 2 Cuy Oy + 3H,0¢
E° =073V ®)
2Cu0,>” + 6H' +2¢~ 2 Cu,0y) + 3H,0(;
E* =267V )
Cu0,>™ + 4H* + 2¢~ & Cugy + 2H,00y
E° =156V (10)

Note that CuZ;q) does not appear in the diagram be-

cause its disproportionation reaction into Cu(zaz) and
Cugy, is spontaneous, as can be calculated from equa-
tions 4 and 6.

*3, a) Balance the reactions for the oxidation and re-
duction of water (both written as reductions). Note
that in the reduction of water, the species that be-
comes reduced is the hydrogen and not the oxygen;
thus, the reduction reaction is often written as the
reduction of protons:

Oz(g) +H " +e = H,0qy
H+ +e = Hz(g)

b) Write the two algebraic equations that relate the
standard potential of each reaction and pH, as de-
rived from the Nernst equation. Make the assump-
tions and simplifications that you may deem rea-
sonable. Use T = 25°C, 1 atm, concentration of all
dissolved species = 1 M. You may use (RT/F)Inx =
0.06log x, RT/F = 0.0257, E%+ /5, = 0.00 V and
EOOZ/H20 =+4+1.23V.

¢) With these data, draw the E-pH (Pourbaix) for
water.

Additional Related Projects

e Observe transitions among different regions in-
volving the production or disappearance of V or
Co species, as the pH and/or E vary in an aqueous
solution. (See Powell, 1987).

* Predict the change in standard potentials of some
metal ion couples upon complexation with se-
lected ligands. For example, predict and then test
the oxidizing or reducing power of the Fe’+/2*
couple with a solution of I~ and a solution of
I=/TI,. Now add some EDTA to these mixtures.
Analyze your observations in the light of the
new standard potential of the metal ion couple
upon complexation (see Section 2.4 and prob-
lem 2 above). See Napoli, 1997 and Ibanez,
1988.

¢ Calculate and draw the Pourbaix diagram for

iron. Compare it to those drawn by Pourbaix,
1974 and Barnum, 1982.

* Answer in the book’s webpage at www.springer.com
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Name Section Date.

Instructor. Partner.

LABORATORY REPORT SHEET—EXPERIMENT 6

Concentration of the Cu(II) solution utilized — M
a) Chemical transitions

i. Cu?t to Cu(OH),

Color before the addition of NaOH
Color after the addition of NaOH
Final pH

2. Cu(OHY, to Cu0%~

Color before the addition of NaOH

Color after the addition of NaOH

Final pH
Peak at the absorption maximum of Cu(Il) nm
Peak at the absorption maximum of CuQ,2~ nm

3. Cu0,2~ to Cu(OH),

Color before the addition of HySO4
Color after the addition of HySO4
Final pH

4. Cu(OH), to Cu?**

Color before the addition of HySOy4
Color after the addition of H;SO4
Final pH

5. Cu(OH), to CuO

Color before heating

Color after heating
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b) Electrochemical transitions

6. Cu** to Cu® (electrolytic)

Anode material

Cathode material

Voltage applied

Observations upon reaction with HNO3

7. Cu®* to Cu® (cementation)

Observations

8. Cu’* to Cuy0
Anode material
Cathode material
Voltage applied
Observations upon reaction with HNO3, HCl
9. Cu® to Cu?*
Anode material
Cathode material
Voltage applied
Observations

10. Cu® 10 Cu0,%~

Anode material
Cathode material
Voltage applied

Color before oxidation

Color after oxidation

6. Experimental Transitions in E vs pH (or Pourbaix) Diagrams




Experimental Procedure

POSTLABORATORY PROBLEMS
AND QUESTIONS

*1. In the diagram below (Figure 3), the location of
several natural environments is given. Assign each
one to the appropriate letter: organic-rich saline wa-
ters, water-logged soils, aerated saline waters, mine
waters. (Note: The dotted lines represent water equi-
libria).

pH

FiGURE 3. The location of several natural environments
in a Pourbaix diagram.

*2. As discussed in Section 2.4, the standard poten-
tial of metal ions can be significantly altered upon
complexation. For the equilibrium between M™*
and M™~™7 | represented by

M™t 4 pe” = M
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with a standard potential of E%, (see Napoli, 1997
and Ibanez, 1988), the line that governs such equi-
librium is independent of pH and a portion of it is
given in Figure 4.

If both ions now react with the non-charged ligand
L, a new equilibrium is established:

ML"™ + ne” = MLU* 9+

Assuming that ML™* is more stable than ML+,
and that L does not participate in acid-base nor hy-
drolysis equilibria, which of the options in Figure 5
represents this new equilibrium?

pH

FIGURE 4. The equilibrium line between M™t and
M=+ represented by M™* + ne” = M™% with a
standard potential = E%,,.

pH
(b)

pH
©)

pH
)

FIGURE 5. E-pH response of a metal ion upon complexation.
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*3. Sketch the predominance-zone diagram for the
Cu”/Cu(OH)z/CuOg' system using the conditions
and equilibrium data from Problem 2 in the Prelab-
oratory questions and problems.

Student Comments and Suggestions

Literature References
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Ibanez, J. G. “Redox Chemistry and the Aquatic Environ-
ment: Examples and Microscale Experiments,” Chem.
Educ. Int. (IUPAC) 2005, 6, 1-7.

* Answer in this book’s webpage at www.springer.com

Ibanez, J. G.; Garcia, K.; Balderas-Hernandez, P.
“Microscale Environmental Chemistry, Part 4. Exper-
imental Transitions in a Potential vs. pH or Pourbaix
Diagram,” Chem. Educator 2008, 10, 348-351.

Ibanez, J. G.; Gonzdlez, I.; Cirdenas, M. A. “The Effect
of Complex Formation upon the Redox Potentials of
Metallic Ions,” J. Chem. Educ. 1988, 65, 173-175.

King, D. W. “A General Approach for Calculating Specia-
tion and Poising Capacity of Redox Systems with Mul-
tiple Oxidation States: Application to Redox Titrations
and the Generation of pe-pH Diagrams,” J. Chem.
Educ. 2002, 79, 1135-1140.

Little, I. A. University of Cambridge. http://www.msm.
cam.ac.uk/jal/C8-4/C8-4-1.htm.

Napoli, A.; Pogliani, L. “Potential-pH diagrams,” Educ.
Chem. March 1997, 51-52.

Pourbaix, M. Atlas of Electrochemical Equilibria in Aque-
ous Solutions, 2nd English ed.; National Association of
Corrosion Engineers: Houston and CEBELCOR, Brus-
sels. 1974,

Powell, D.; Cortez, J.; Mellon, E. K. “A Laboratory Exer-
cise Introducing Students to the Pourbaix Diagram for
Cobalt,” J. Chem. Educ. 1987, 64, 165-167.

Singh, M. M.; Szafran, Z.; Pike, R. M. “Microscale and
Selected Macroscale Experiments for General and Ad-
vanced General Chemistry: An Innovative Approach,”
Wiley: NY, 1995. Chapter 7.

Tykodi, R. J. “In Praise of Copper,” J. Chem. Educ. 1991,
68, 106-109.

Williams, B. G.; Patrick, W. H. Jr. “A Computer Method
for the Construction of Eh-pH Diagrams,” J. Chem.
Educ. 1977, 54, 107.



Experiment 7

Air Oxidation of Metal Ions

Reference Chapters: 2, 5, 6, 8

Objectives

After performing this experiment, the student shall
be able to:

¢ Explain how the solution pH affects the extent of
oxidation of iron(Il) to iron(III) by dioxygen.

* Interpret the changes observed during the course
of the reactions.

¢ Apply a potentiometric titration as an analytical
technique to study a heterogeneous reaction.

Introduction

The oxidation state of a chemical species is often
responsible for its environmental behavior. For in-
stance, it is well known that As(III) compounds
tend to be very toxic, while the opposite is true
for the more oxidized As(V) compounds. On the
other hand, Cr(VI) ions (in the form of chromate or
dichromate) are toxic and highly mobile in nature,
whereas Cr(III) ions are much less toxic and easily
immobilized as the corresponding hydroxide.
Natural or anthropogenic processes can often
change an oxidation state. For example, the redox
state of iron depends on the presence of dioxy-
gen, light, and biocatalysts. Iron compounds are key
components of the hydrosphere for several reasons:
(a) they are present in virtually every water body
and groundwater reservoir in the world, as well as
in atmospheric water; (b) they play a key role in

several natural chemical processes, such as their re-
action with H,O; to produce the highly oxidizing
hydroxyl radicals; (c) they can be critical in cer-
tain biological processes (for example, in the phyto-
plankton growth in eutrophication phenomena and
in microbial cycles).

The thermodynamic stability of Fe(II) under dif-
ferent conditions of pH and potential can be pre-
dicted from Latimer, Frost, or Pourbaix diagrams
(see Chapter 2). Fe(II) is stable in anoxic water (i.e.,
water without oxidizing conditions), but the pres-
ence of oxygen drives the equilibrium toward Fe(IiI)
and reactive oxygen species. Such Fe(IlI) species
have low solubility, and the hydrous ferric oxide nor-
mally formed is capable of readily adsorbing other
trace metals present, thus, reducing their concentra-
tion. In fact, biological oxidation of groundwater is
purposefully promoted in order to form insoluble
Fe(III) species that can be easily removed by me-
chanical means. On the other hand, Fe(Il) is much
more soluble and mobile than Fe(III). This is a key
issue because iron bioavailability strongly depends
on its solubility. Light-induced reduction of Fe(IIT)
contributes to the formation of Fe(Il) in different
types of waters. Also, Fe(Il) is the predominant form
of dissolved iron in fog water at low pH, and its ox-
idation under such conditions (and in the absence
of catalysts) can have half-lives in the order of two
months.

The mechanism for the oxidation of Fe(Il) by
molecular oxygen is known as the Haber—Weiss
mechanism and can be written as follows (see
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Emmenegger, 1998):

Fe(ll) + O, —> Fe(lll) + O )
Fe(Il) + O +2H* —% Fe(Ill) + H,0,  (2)

Fe(Il) + H,0, — Fe(Ill) + *OH + OH~  (3)
Fe(Il) + *OH —5 Fe(TIl) + OH" 4)

Some of these reactions are kinetically limited, and
so equilibria between the iron(Il) and iron(Ill) oxi-
dation states in real situations depend upon their in-
terconversion rate. From the mechanism described
by equations 1 through 4, the rate expression has
been shown to be

—d[Fe(ID)]

PP 2k [02][Fe(ID)] + 2k3[H,0,][Fe(I)]

)

(see To, 1999).
If [O,] and [H,O,] are assumed to be constant,
then

—d[Fe(1I)]
—a ©

where kupp is the apparent first-order rate constant
that includes the O, and H,O, concentrations.

Several other factors also affect the rate and the
extent of Fe(IT) oxidation. For instance, in the pres-
ence of bicarbonate ions (from the dissolution of dis-
solved atmospheric CO;) this rate has been shown
to be:

= kapp [Fe(I)]

—d[Fe(ID]
dt
(see To, 1999).

Speciation of Fe(Il) is a key parameter influenc-
ing such a rate. The presence of some inorganic and
organic ligands is also known to substantially af-
fect this oxidation rate, as well as bacteria and the
presence of solid Fe(III) particles that promote au-
tocatalytic Fe(II) oxidation.

The importance of the Fe(Il)/Fe(11l) equilibrium
is clear from all these considerations (see King,
1998). In other experiments in this book we ad-
dress the complexation of NO with [Fe(IDEDTA],
the photodecomposition of [Fe(II[)EDTA], and the
reaction of Fe(Il) with H,O, (Fenton’s reaction).
In the present experiment we explore the influence
of pH upon the oxidation of Fe(II) by bubbling air
through Fe(Il) solutions at different pH values. In
Part 1, a qualitative experiment aimed at showing
the influence of pH upon the production of an Fe(III)

= k[O,][Fe(ID[OH 1> (7)
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to water

air inlet
aspirator

/

test solution

FIGURE 1. Experimental setup for the qualitative obser-
vation of the oxidation of Fe?* ions by air.

precipitate is described. In Part 2, a more quantita-
tive experiment will be performed by bubbling air
simultaneously through a series of Fe(Il) solutions
at different pH values; the Fe(II) remaining in each
solution at the end of the experiment will be ana-
lyzed by potentiometric titration.

Experimental Procedure

Estimated time to complete the experiment: 1.5 h

Materials Reagents

1 pH meter, with ORP 0.05 M FeSO4 - 7 H,O

1 aquarium pump 1 M KSCN
10 cm Tygon tube 2MHCI
1 1-mL graduated pipet 0.01 M K4[Fe(CN)¢]
1 2-mL graduated pipet 2 M NH,OH
10 test tubes, 10 cm long concentrated HC1
5 Beral pipets D. I water
1 magnetic stirrer 5M NaOH
4 rubber stoppers 0.1 M H;SO4
1 5-mL beaker 0.01 M HS04
Filtration membranes, 0.45 p. 3MH;S04
and supports 0.05 M KMnO4

microburet

1 universal stand

2 10-mL syringes

1 2-mL serologic pipet
1 propipet bulb

Caution: FeSO, is harmful. Do not touch it with
your bare hands nor breathe its dust. Also, any
cyanide-containing solution [e.g., hexacyanoferrate
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(II), hexacyanoferrate (II)] could potentially re-
lease highly toxic cyanide vapors in the presence
of a strong acid. Handle under a fume hood.

Part 1. Qualitative demonstration.

Prepare 4 to 5 mL of 2 0.05 M FeSO, - 7H,0 so-
Iution. In a small test tube, take a 0.5 mL aliquot
and add two drops of 2 M HCI. Then test for the
presence of Fe(Ill) ions by adding one or two drops
of a 1 M KSCN solution. A faint brown color is
indicative of the absence of Fe(IIl) ions. Take an-
other 0.5 mL aliquot, add two drops of 2 M HCI and
one or two drops of dilute K4[Fe(CN)¢] (i.e., 0.1 M).
A white-blue precipitate (known as Everitt’s blue)
is also indicative of the absence of Fe(IIl) ions and
of the presence of Fe(II) ions.

The remaining FeSO, solution (approximately 3
mL) is then divided into two equal parts and placed
intwo 10-cm test tubes (tubes I and IT). Adda2 M
NH,OH solution drop wise to tube [ until a greenish
Fe(Il) hydroxide precipitate forms (approximately
at pH 5). Then, bubble air through both solutions
(for example, with the aid of a water aspirator or an
aquarium pump) for 15 min or until the precipitate in
tube I changes color to orange-brown. See Figure 1.

Centrifuge the mixture (tube I) for approximately
2 min, and discard the supernatant liquid. Wash
the precipitate by adding some 34 mL of wa-
ter, and centrifuge again. Discard the supernatant
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liquid, and add to the precipitate 2 mL of concen-
trated HC1. Heat in a water bath until the precip-
itate dissolves, and allow the tube to cool down
to room temperature. Take 1 mL of this solution
(it should be yellow-orange), and test for the pres-
ence of Fe(III) ions as described above. A red color
with the KSCN solution and an intense blue precipi-
tate with K4[Fe(CN)g] are indicative of the presence
of Fe(Ill) ions.

Perform these same tests with the solution ob-
tained in test tube II. A faint red color with KSCN
indicates that there are some Fe(III) ions, albeit in a
concentration much smaller than thatin test tube I. A
similar result is obtained with the K4[Fe(CN)g] test
where a small amount of blue precipitate indicates
the presence of only a small concentration of Fe(III).

Part 2. Quantitative determination of the oxida-
tion of Fe(II) by molecular oxygen and its pre-
cipitation as Fe(III).

Prepare several test tubes containing 3-mL
aliquots of 0.05 M FeSOy - 7H,0 at different pH
values between approximately 2 and 12. The num-
ber of test tubes may be assigned by the instructor
or decided by the students. Adjust the pH in each
aliquot with the smallest possible volume of 0.01 to
5M NaOH or 0.1 or 0.01 M H,S0y4, and then dilute
to a final volume of 4 mL. (Note: in the solutions
with pH 7 to 8, a precipitate starts forming). Obtain
a fish-tank air pump equipped with a multiple outlet

Air pump

Connecting
tubes

@

Samples

FIGURE 2. Experimental setup for the oxidation of Fe?* ions by air at different pH values (A-H, arbitrary values).
(Reprinted from The Chemical Educator, Vol. 9, No. 1, 2004, pp. 9-11, with permission).
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(for example, of the type that distributes air to sev-
eral fish tanks), and connect an outlet to each one of
the separate test tubes containing the iron solutions.
See Figure 2. Bubble air through all the solutions for
10 to 15 minutes. Then, filter approximately 2.5 mL
with a 0.45 pm syringe membrane filter or a very
fine filter paper. Take 2.0 mL from the resulting

7. Air Oxidation of Metal Tons

filtrate so as to analyze for the Fe(I) content by
a standard potentiometric titration. To accomplish
this, use 0.05 N KMnQ, as the titrant and a commer-
cial or a home-made oxidation—reduction potential
electrode (ORP) as the sensor. Acidify each solution
before titration with 0.5 mL of 3 M H,S80,. Use the
microscale technique with a 2-mL serologic pipet.
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Name Section Date
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Instructor. Partner.

PRELABORATORY REPORT SHEET—EXPERIMENT 7

Experiment Title:

Objectives

Flow sheet of procedure

Waste containment and recycling procedure

At the end of the experiment, return all portions of the Fe(II)/Fe(IlI) solutions to the instructor.
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PRELABORATORY QUESTIONS AND 3. Write down the necessary equations to calcu-
PROBLEMS late the Fe(II) concentration knowing the volume

) ) of KMnO, titrant and its concentration.
1. Write the balanced equations for the formation of

colored complexes of iron: Additional Related Projects

2 -
2) Fe; + [FC(CN%]i_ - e The potentiometric KMnQO, titration can be
b) Fe3 + [Fe(CN)s]™™ — substituted by a titration with periodate. (See
¢) Fe’" + SCN™ — Drummond, 1997).

2. Write the balanced equation for the oxidation of e The experiment can be carried out at different tem-
Fe(II) by potassium permanganate. peratures and different dioxygen concentrations.
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Name. Section Date
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Instructor. Partner.

LABORATORY REPORT SHEET—EXPERIMENT 7

Observations

PartI

Result of test for Fe** ions:

TesttubeI positive___  negative
Test tube I positive —_ negative
Part 11

Titration results

Time of air bubbling: __ min

Sample 1:
Initial pH:

Volume of aliquot: ____ mlL

Reading on
Vol. titrant, mL potentiometer
0
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Equivalence point: ____mV
[Fe**l: ______ M
[Fe3t: M

[Fe*tY[Fe**) —

Sample 2:
Initial pH:

Volume of aliquot: — mL

Reading on
Vol. titrant, mL potentiometer

0

Equivalence point: ____mV
[Fe*t]: M
[Fe’t): M

[Fe2t|/[Fe+]:

Sample 3:
Initial pH:

Volume of aliquot: — mL

7. Air Oxidation of Metal Ions
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Reading on
Vol. titrant, mL potentiometer

0

Equivalence point: . _mV
[Fe**]: M
[Fe**]: M

[Fe**/[Fe3*]:
Sample 4:
Initial pH: —

Volume of aliquot: —_mL

Reading on
Vol. titrant, mL potentiometer

0

Equivalence point: ________mV
[Fe**): M
[Fe3*] M

[Fe*tV/[Fe3t]:

97
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Potentiometric titration
12
10
8
T 6
4
2
0 - -
0 3 6 9 12 15 18 21
Titrant volume, mL
Extent of Oxidation
1
N
“w
=
NO
=
0 - r T -
0 2 4 6 8 10 12 14
pH

POSTLABORATORY PROBLEMS
AND QUESTIONS

1. From the results obtained in Part 1, analyze the
relationship of the pH with the oxidation of Fe(II).

2. Plot at least three of the potentiometric titrations
and obtain the equivalence points.

3. Plot the Fe(IT)/Fe(IIl) ratio vs pH and conclude
how the extent of oxidation of Fe(II) depends on pH.

4. Discuss how the change from air to pure oxygen
could affect the extent of oxidation of Fe(Il).

Student Comments and Suggestions
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Experiment &

Photoassisted Reduction

of Metal Complexes
Reference Chapters: 6, 8, 10

Objectives

After performing this experiment, the student shall
be able to:

* Understand what a metal chelate is and prepare
one in the laboratory.

¢ Explain the effect of light on the rupture of a
metal-complex bond.

¢ Produce and identify a metal ion from the photol-
ysis of a metal chelate.

Introduction

Ligands are present in the environment due to a
plethora of natural and anthropogenic events. They
affect metal adsorption onto natural oxides, the
dissolution of natural oxides and of metal scales,
metal ion removal and uptake by biological systems,
metal-solubilization in soils, and the like. Thus, an
understanding of the environmental reactions and
fate of ligands and metal complexes is of keen im-
portance.

As discussed in Chapters 2 and 6, natural light in-
duces many processes of environmental significance
either directly (when light is absorbed by the species
of interest) or indirectly (when light excites or pro-
duces an intermediate species called mediator that
then reacts with the species of interest). For exam-
ple, the photolysis of metal complexes is important
because it obviously affects their concentration and
fate (see Section 6.3). A typical example is the pho-
tolysis of iron—carboxylato complexes (i.e., com-
plexes with oxalate, aminopolycarboxylates, citrate

and humic and fulvic acids) that can occur with high
quantum yields. For this reason, in the present ex-
periment an FeEDTA complex is formed and pho-
tolyzed, and its metal ion product made evident by
a color-producing reaction. EDTA was selected be-
cause it is a strong complexing agent for many metal
ions and a persistent pollutant due to its high stabil-
ity (it is even resistant to decomposition by ionizing
radiation and heat) and low biodegradability.

Photodegradation of [Fe(IIH)EDTA]

As discussed in Section 6.3 some EDTA complexes
are light-sensitive; for instance, [Fe(II)EDTA] can
undergo total photolysis in a sunny day within
several hours. Others are only slightly affected
(e.g., [IMn(II)EDTA], [Co(IINEDTA]), while oth-
ers are not affected by light at all. The ability of
[Fe(IIEDTA] to undergo a photoredox reaction is
very fortunate because—as stated above—EDTA is
a refractory compound and thus the natural pho-
tolytic pathway provides a means for its destruction.

A simplified photoreduction reaction using a car-
boxylic anion as the ligand (e.g., oxalate) is the fol-
lowing:

[Fe(IITY(C,04); 1~ + hv
— Fe(ll) + 2C,04>~ 4 CO,~ +CO, (1)

Note that in the C;04> ligand, C has an oxidation
state of 34+ whereas in CO;, it is 4+. Then, C under-
went oxidation in order to reduce Fe(III) to Fe(II),
which is then released from the complex.
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In the following qualitative experiment, an
[Fe(IIHEDTA] complex will be exposed to light (ei-
ther natural or artificial) and decomposed to produce
Fe(II), which then reacts with iron hexacyanate (III)
yielding a highly colored solution of another com-
plex (see Ibanez, 2000).

Experimental Procedure

Estimated time to complete the experiment: 1 h

Materials Reagents

3 10-mL volumetric flasks FeCl; - 6H,0
1 1-mL graduated pipet K3[Fe(CN)gl
3 Beral pipets Na;HEDTA
5 test tubes, 5 cm-long 6 M NaOH

1 Slide projector D. I. water

Aluminum foil

Prepare 10 mL of an Fe(IIl) solution by adding
0.8 g of FeCl; - 6H;0 to 8 mL of H,O in a volu-
metric flask. Stir and dilute to the 10-mL mark. In

8. Photoassisted Reduction of Metal Complexes

another 10-mL flask dissolve 1 g of K3[Fe(CN)s]
and dilute to the mark. Lastly, add 1 g of Na,EDTA
to 5-6 mL of H,O in a third 10-mL flask, and add
approximately 1 mL of 6 M NaOH to facilitate dis-
solution of the EDTA species; then, dilute to the
mark. These procedures yield three solutions (ap-
proximately 0.3 M each) that should be enough for
alarge class because only one drop of each is needed.
Caution: K3 (Fe(CN)) is harmful by inhalation,
ingestion and through skin contact.

Now, place approximately 1 mL of distilled wa-
ter, one drop of the FeCl; solution, and one drop of
the K3fFe(CN)g] solution in a 5-cm long test tube.
Do this in duplicate (the second one is the blank test
tube). Add one drop of the Na, EDTA solution to
each tube and shake. Wrap the blank test tube with
aluminum foil so as to keep it away from light. Ex-
pose the other test tube to sunlight or to the light
of an overhead projector (or of a slide projector).
In a few minutes, a dramatic color change is ob-
served. The blank test tube is then unwrapped, and
the difference between both is annotated.



Experimental Procedure

Name Section
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Date

Instructor.

Partner

PRELABORATORY REPORT SHEET—EXPERIMENT 8

Objectives

Flow sheet of procedure

Waste containment and recycling procedure

PRELABORATORY QUESTIONS AND
PROBLEMS

*1. The pH is a key parameter in the present ex-
periment. Calculate and plot the distribution dia-
gram of EDTA as a function of pH. Predict what
would happen if a pH of 2 were used? A pH of
4? Why is a high pH recommended for the present
experiment?

2. Find in the literature at least three direct
photolytic processes used for the destruction of

wastes.

3. When should an indirect method be considered
for the photodestruction of a waste?

* Answer in this book’s webpage at www.springer.com

Additional Related Projects

» Study the photolysis kinetics in this experiment
by taking the absorbance of the complex obtained
as a function of time.

* Analyze the effect of pH in the present experiment
by using different values.

* Design an experiment to demonstrate the pro-
duction of CO, during the photolysis of the
FeEDTA used in this experiment. (See Lockhart
and Blakeley, 1975).

* Design and perform experiments with other
ligands (e.g., citrate, oxalate, some non-
carboxylated organics, etc.) and other iron (II/I1I)
indicators (e.g., o-phenanthroline, K4[Fe(CN)¢],
SCN™).

¢ Try to photolyze a Mn(IDEDTA or Co(IIHEDTA
complex in the same manner as it is done with
Fe(INEDTA in the present experiment. Perform
qualitative tests for the presence of the metal ions
after photolysis.
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Name Section
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Date

Instructor.

Partner

LABORATORY REPORT SHEET—EXPERIMENT 8

Observations

1. Color of the initial reaction mixture

2. Color of the reaction mixture after irradiation

3. Color of the blank after irradiation

4. Time allowed for the reaction

min

POSTLABORATORY PROBLEMS
AND QUESTIONS

*1. Discuss the reason for the color change in one
tube and not in the other.

*2. If Fe(III) were photo produced instead of Fe(II),
what indicator would you use?

*3. The C,04 ™ radical is a precursor for the CO, ™
product from reaction 1, and can react with ambient
dioxygen to yield the radical anion X (that contains
only O). In acidic media, the diatomic X reaches an
equilibrium with a triatomic neutral radical, Y (that
contains H and O). X and Y disproportionate in acid
to give dioxygen and a neutral species, Z that is capa-
ble of transforming Fe(IT) back to Fe(IIl). Z contains
H and O, possesses an O-O bond, and can undergo
disproportionation (dismutation) to yield dioxygen
plus water. What are the chemical formulas of X, Y,
and Z?

* Answer in this book’s webpage at www.springer.com
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Experiment 9

Anionic Detergents and o-Phosphates

in Water
Reference Chapters: 6, 8

Objectives

After performing this experiment, the student shall
be able to:

¢ Determine the concentration of anionic detergents
in a sample of water using the methylene blue-
active substances technique.

¢ Determine the presence of soluble orthophos-
phates by the colorimetric molybdate method.

Introduction

Detergents are among the most common water pol-
lutants, discharged as a consequence of laundering
or cleaning processes, either from households or in-
dustrial origin. Detergents are mainly preparations
or mixtures of linear alkyl sulfonates and other ad-
ditives that help remove grease and dirt. Besides be-
ing slowly biodegradable, they are mainly surfac-
tants that have the property of emulsifying grease
and dirt, and forming foams. These compounds and
their foams are inconvenient in water discharges be-
cause they interfere with the transfer of air to water.
In addition, they may deflocculate colloids, promote
the flotation of solids, emulsify oil and grease, lower
the level of dissolved oxygen through biodegrada-
tion, and have a negative aesthetic impact. They can
also destroy the natural water-repellent protective
coating of aquatic animals and birds, which may

e facilitate parasite attack
 unbalance their water exchange
* produce sliming of gills in fish
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In large concentrations, detergents may cause the
death of aquatic plants and animals.

The majority of the surfactants used in detergents
are of anionic nature, linear or non-linear with sul-
fonate (R-SO3; ™) or sulfate ester groups (R-OSO;3 7).
The analytical method used in this experiment to
determine their concentration in water involves the
reaction of these anionic compounds with a cationic
dye (methylene blue), which forms a strong ion-pair
that can be separated from the aqueous phase with
an organic solvent. (This is the basis of the USEPA
method 425.1 and of the ASTM D2330 method).
The intensity of the blue color in the extracted phase
relates to the amount of anionic surfactant present
and can be measured spectrophotometrically at 650
nm. With this method, detergent concentrations in
the wg/L to mg/L can be detected in water or in
wastewater. Substances that react with methylene
blue are called methylene-blue active substances
(MBAS). Although several interferences can affect
this method, they are rarely found in normal sam-
ples. In this sense, the only strong interference for
this method is a very high concentration of chloride
ions (>1000 mg/L).

Phosphates were profusely employed earlier as
additives in the preparation of detergents and clean-
ing formulas. They are also produced as a conse-
quence of

* s0il erosion processes

¢ runoff containing fertilizers

* boiler water discharges (that use phosphates as
additives)

¢ biodegradation of organic matter from urban dis-
charges
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Phosphates are typically found in water as ortho-
phosphates, but there are also other more complex
forms that are hydrolyzable condensed inorganic
phosphates such as meta-, pyro-, and polyphos-
phates, and the organically bound phosphorous. The
sum of these forms (either suspended or dissolved)
is known as the fotal phosphorous content of water.
The dissolved inorganic form is the one generally
measured.

Excessive amounts of phosphorous, together with
nitrogen sources derived from discharges, cause a
proliferation of aquatic plants and algae known as
accelerated or cultural eutrophication that may ruin
the quality of lakes and ponds. A mere 0.005 mg/L
of inorganic phosphorous above normal levels is
enough for this process to begin. With the prolif-
eration of detergents, the phosphorous content in
surface water has doubled (or even tripled in some
cases). In view of this, the use of phosphate as an
additive in detergents has been greatly reduced in
most developed countries.

One of the analytical methods for phosphate de-
termination consists in the reaction of a water sam-
ple with ammonium molybdate under acidic pH
conditions. This generates phosphomolybdic acid,
which is then reduced with tin (I) chloride, ascorbic
acid, or an amino acid to form a blue molybdenum
complex. The intensity of the color of the complex
developed is proportional to the concentration of
orthophosphate present and can be quantified col-
orimetrically at 690 nm with the aid of a calibration
curve. If one desires to measure the condensed in-
organic form, it must be previously converted into
orthophosphate by an acid hydrolysis. It is common
that part of the organic phosphorous will be released
with this process; however, if one needs to know
the total organic phosphorous content, then a strong
acid oxidation must be carried out using persulfate
in a strongly acidic medium. With the hydrolyzed
or oxidized samples, the orthophosphate colorimet-
ric technique is followed. Three different values are
then obtained: (A) for the direct orthophosphate
measurement, (B) for the acid hydrolysis conver-
sion of the inorganic and partial organic phospho-
rous, and (C) for the strong oxidative digestion of
the organic phosphorous. Then, to determine the to-
tal acid-hydrolyzable amount of phosphorous (in-
organic and organic) one must subtract A from B,
(B—A); and for the amount of organic phosphorous
content, one must subtract B from C, (C—B).
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In this experiment a synthetic sample will be pre-
pared by adding a (small) known amount of deter-
gent to tap water or to D.I. water. Alternatively, one
can obtain a water sample from a laundromat or
laundry system discharge.

The experiment can also be done with two differ-
ent types of detergents: one that contains phosphates
and one without phosphates. Because the methylene
blue method is only applicable to anionic detergents,
it can be interesting for the students to observe the
response of a water sample containing soap. Another
sample that can be tested is from a surface water sys-
tem where a wastewater treatment plant discharges.

The experiment consists in preparing a calibration
curve for a linear alkyl sulfonate (LAS), such as lau-
ryl sodium sulfonate or lauryl ammonium sulfate,
and a phosphorous calibration curve (as o-phos-
phate) with the two techniques mentioned above.
Finally, the spectrophotometric response of each
sample will be measured.

Experimental Procedure

Estimated time to complete the experiment: See
each individual procedure. This experiment may be
completed in one or two lab sessions.

Materials Reagents
2 2-mL volumetric pipets ~ 0.001 M and 0.01 M HC1
4 2-mL graduated pipets 0.01 M Na;COs
2 1-mL graduated pipets 0.01 M NaOH
2 5-mL graduated pipets 6 N H,SO4
6 10-mL beakers concentrated HpSO4
4 Beral pipets NaH,PO4 - H;0

10 10-mL volumetric flasks  Phenolphthalein indicator
2 100-mL volumetric flasks Methylene chloride
2 propipets Methylene blue complexing
4 long tip Pasteur pipets solution:

with small latex bulbs (Dilute 100 mg of methylene

6 10-mL capped vials or blue in 100 mL of D.I
test tubes water. Transfer 3 mL of the
2 Pasteur pipets packed solution to a 100-mL

W e

with glass fiber or cotton
filter and with small latex
bulbs

test tube rack

D.I. wash bottle
VIS-spectrophotometer
spectrophotometer glass
or quartz cells

pH meter with a test tube
pH probe

volumetric flask and
half-fill it with D.I. water.
Then, add 4 mL of 6 N
sulfuric acid and 5 g of
NaH,P0, « HyO. Mix well
until dissolved and add D.1.
water as needed to reach the
100-mL mark).

Washing solution:

(In a 100-mL volumetric
flask add 0.7 mL of
(cont.)
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(Table Continued)

Materials Reagents

concentrated sulfuric acid and
dilute it with 50 mL of D.I.
water. Add 5 g of NaH,PQ; -
H;0 and mix until dissolved.
Then fill up to the 100-mL
mark of the flask with D.L.
water).

Standard solution of LAS:
(Prepare a 100 mg/L solution
of either ammonium lauryl
sulfate, the sodium salt of
dodecylbenzensulfonic acid,
sodium lauryl sulfate, or any
other linear anionic
surfactant).

Safety Measures

Strict precautions must be observed in the hand-
ling of the organic solvent (i.e., methylene
chloride) because it is carcinogenic. It is therefore
important to prevent its volatilization as much as
possible. Handle this compound carefully under
an extraction hood, preventing its inhalation and
dermal contact. Although the amounts used are
relatively small, there is always risk of vapor-
ization and spills. One must also aveid contact of
any acids (used for adjusting pH) with the skin or
eyes, because they are corrosive. All the residues
generated in this experiment must be disposed in
special bottles identified for that purpose.

A. Measurement of the MBAS content in
water samples

Estimated time required: 5—-10 min per sample

Samples
Take a sample:

a) From a surface water system: lake, pond or river

b) From the discharge of a washing machine, or
prepare a synthetic sample adding a very small
amount of detergent in water (check whether the
list of contents mentions a phosphate additive or
not). If possible, have a sample with phosphate
and another one without it.

¢) From the output of a wastewater treatment plant.
(Note: In this last case, extreme safety mea-
sures must be taken in handling the samples
because they will probably contain pathegens.

9. Anionic Detergents and o-Phosphatesin Water

Use gloves, safety goggles, and protective
clothing, and be sure to disinfect the lab weork-
ing zone after the experiment).

d) Prepare another sample with soap so as to have
students visualize that these compounds do not
form the ion-pair with the cationic methylene
blue and thus will not respond to the test.

A.l Dilutions of the LAS standard solution
for the calibration curve.

In 10-mL volumetric flasks, prepare the following
volumes (in mL) of the LAS standard solution (100
mg/L) and D.I. water, respectively: 4/10, 5/10, and
6/10.

Then, follow the technique in section A.2 to mea-
sure their LAS content. Using this same technique,
prepare a blank (i.e., D.I. water).

The detection limit for MBAS using this tech-
nique is 1 mg/L of LAS.

A.2 Technique

The following technique applies to all the water
samples and to the solutions prepared with the LAS
standard solution so as to prepare a calibration curve.

Experimental steps

1. Measure the pH of each sample or solution. Ifitis
outside the pH range from 8.0 to 8.4, take a 2-mL
aliquot and place it in a vial or in a capped test
tube. Add one or two drops of phenolphthalein
indicator and look for any color development. If
colorless, add a sodium carbonate or sodium hy-
droxide solution drop wise until the endpoint is
reached (i.e., a pale pink color); then, add diluted
HCI acid drop wise until the pink color disap-
pears.

2. If the initial pH is greater that 8 (which seldom
happens), place a 2-mL aliquot in a vial and add
one or two drops of phenolphthalein indicator.
Upon addition of the phenolphthalein, the pink
color will appear. Add enough diluted HCI acid
drop wise until the color disappears.

3. Adjust the pH of each sample to 8.3 and then add
0.5 mL of the methylene blue complexing solu-
tion and 2 mL of methylene chloride. (Caution:
Work under a fume or extraction hood.) Close
the cap immediately and tightly, and mix softly.
Note what happens to the reaction mixture.
Identify the organic and aqueous phases.
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aqueous phase

<«—organic phase
% = {. ;

FIGURE 1. Organic phase mixing and extraction.

4. Shake the reaction mixture for 20 s and then

slightly loosen the vial’s cap to liberate the pres-
sure of the solvent generated by the mixing.
Caution: Work under an extraction hood and
aim the mouth of the vial away from you or
any other person nearby.
A mixing alternative consists in extracting the
lower phase with a Pasteur pipet and allowing
it to rapidly fall with the aid of some pressure
through the aqueous phase (so as to generate
turbulence). Repeat the procedure approximately
10 times (see Figure 1).

5. Cap the vial and allow the contents to stand still
until the two phases separate. Note whether there
is any change in the color of the organic phase
and its intensity. Does your sample have a large
amount of anionic detergent?

6. Separate the organic phase from the aqueous
phase using a long-tip Pasteur pipet with a rub-
ber bulb. To prevent any undesired transference
of the aqueous phase with the organic phase, in-
troduce the tip of the pipet all the way down to
the bottom of the vial while pressing the rubber
bulb, and carefully suction liquid into the pipet
until all the organic phase is removed. Transfer
it directly into a new capped vial (see Figure 1).

Repeat this extraction procedure from the
aqueous phase twice with 2 mL of organic solvent
each time, and in the same way transfer it to
the capped vial where the first extract was de-
posited. Add 5 mL of washing solution into this
vial, and shake or mix thoroughly for 30 s (or
10 times). Allow it to rest until the phases sep-
arate, and then extract the organic phase again.
Only if the organic phase were turbid, filter it
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through a cotton or glass wool filter. Receive the
organic phase free of suspended solids ina 10-mL
volumetric flask (see Figure 2).

Add 2 mL of solvent to the remaining washing
solution and perform an extraction. Transfer the ex-
tract to the volumetric flask, and add solvent up to the
10-mL mark, if needed. Caution: Always cap the
systems containing the organic solvent to avoid
evaporation, and work inside the extraction
hood.

With the extracts contained in the volumetric
flask, fill a spectrophotometer cell (glass or quartz)
and measure the absorbance at 650 nm. Make sure
that the spectrophotometer is previously calibrated
using the methylene chloride so as to adjust the
transmittance to 100%.

This technique will be used with each one of the
samples and with the dilutions of the standard LAS
solution. With the absorbance values of these last
solutions and their real concentrations, generate the
calibration curve and its corresponding equation.

B. Measurement of the orthophosphate
content in water samples.

Estimated time required: 15 min per sample
Safety measures

Take the common precautions in handling acids and
bases and the molybdate reagent. All the residues

Filter
Cotton or

|a— glass fiber

¥

FIGURE 2. Filter preparation and organic phase filtration.
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generated in this experiment must be disposed in
special bottles identified for that purpose.

Materials Reagents
3 1-mL (1/100) graduated  P-as phosphate standard
pipets solution,
1 2-mL (1/100) graduated 10 mg/L (dissolve 0.04 g of
pipet KH;POy4 in 1 L of water)
1 5-mL graduated pipet 0.01 N HCl solution
4 10-mL beakers Phenolphthalein indicator
3 propipets 0.1 M NayCO;3 or 0.01 N NaOH
4 Beral pipets for pH adjustment
10 25-mL Erlenmeyer Stannous chloride reagent

flasks
10-mL volumetric flasks
D.1. water wash bottle

(dissolve 0.25 g of
bi-hydrated tin (II) chloride in
10 mL of glycerol; warm in a

chronometer water bath with mixing until
portable filter holder dissolution and allow it to
5-mL syringe cool)
0.8 pum acetate filter Ammonium molybdate
membranes reagent (dissolve 2.5 g of

1 bottle for residues tetrahydrated ammonium

1 spectrophotometer molybdate in 20 mL of D.I.

3 spectrophotometer glass water in a 100-mL volumetric

p—

cells
pH meter with a test
tube pH probe

flask. Dissolve 28 mL of
concentrated H,SO4 in 40 mL
of D.I. water, allow it to cool,
and add to the ammonium
molybdate solution. Then,
add D.I. water up to the
100-mL mark)

B.1 Dilutions of the standard o-phosphate
solution for the calibration curve.

In 10-mL volumetric flasks prepare the following
mL of the standard solution (10 mg/L) and D.I. wa-
ter: 0.2/10; 0.5/10; 1.0/10; 1.5/10; 2.0/10; 2.5/10;
3.0/10; 4/10; and 5/10.

After preparing these solutions follow the tech-
nique in section B.2 to measure the amount of
o-phosphate present. Also prepare a blank of D.IL
water by following the same technique.

The detection limit for the o-phosphate measure-
ment with this technique is 0.5 mg/L of P.

B.2 Technique

The following technique applies to the water sam-
ples as well as to the standard dilutions. Note: The
sample must be free of suspended solids before
applying the technique; therefore, the water sam-
ples must be previously filtered through a membrane
filter.

9. Anionic Detergents and o-Phosphatesin Water

. Witha 1-mL graduated pipet (1/100) take 0.5 mL

of sample and place in a 10-mL volumetric flask;
fill to the 10-mL mark with D.I. water and mix
perfectly.

2. Transfer the contents of the volumetric flash to

a 25-mL Erlenmeyer flask and add phenolph-
thalein indicator drop wise. Observe if there is
any color formation.

If a pink color appears, add diluted hydrochlo-
ric acid drop wise until the endpoint is reached. If
no pink color appears, add some drops of a base
solution (i.e., of Na,COs or dilute NaOH) until
the pink color appears. Then, add 0.01 M HC1
drop wise until the phenolphthalein endpoint is
reached. What is the reason for performing this
adjustment?

. To the sample in the Erlenmeyer flask, add 0.4

mL of the ammonium molybdate reagent with
a 1-mL graduated pipet. Mix, and then add 2
drops of the tin (II) chloride solution. Mix and
allow it to react for 10 minutes. Note all the
changes.

. At the end of this reaction time, if there were o-

phosphate present, a blue-colored solution will
be observed and the color intensity will be pro-
portional to the concentration. Once the reaction
is over (and before 12 min), measure the ab-
sorbance of the treated sample in the spec-
trophotometer at a wavelength of 690 nm, pre-
vious adjustment to 100% transmittance with
D.1. water. If the sample is measured later,
some turbidity and a change in color will be
observed, and accuracy will be accordingly
lost.

If any of the water samples prepared with this
technique develops a very intense or dark blue
color, any measurement will fall outside the range
of the calibration plot. In this case, repeat the
preparation of the sample but dilute it to a known
value (e.g., 50%, or 1:2). Then, apply the tech-
nique and correct the measured concentration by
the dilution factor.

. With the absorbance values of the diluted stan-

dard, calculate the real concentrations, build
the calibration curve, and find its corresponding
equation for a linear fit. This will allow the cal-
culation of the real o-phosphate concentration in
each one of the samples.

Apply this technique to each sample and
record the absorbance values.
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Date

Instructor.

Partner.

PRELABORATORY REPORT SHEET—EXPERIMENT 9

Objectives:

Flow sheet of procedure:

Waste containment procedure:

PRELABORATORY QUESTIONS AND
PROBLEMS

1. Explain why is it important to measure the MBAS
content of an environmental sample of water. What
are the negative effects of the presence of these com-
pounds in aquatic natural systems?

2. Explain why is it important to measure the
phosphorus or phosphate content of an environmen-
tal sample of water. What are the positive and neg-
ative effects of the presence of such ions in aquatic
natural systems?

3. Seek in the literature the maximum permis-
sible concentrations in drinking water for anionic
surfactants and for total phosphate or phosphorus
content.

4. What are the limits of phosphorus concentra-
tion in water in order to have a eutrophic lake or
river?

5. Establish the reactions involved in the
phosphate analysis, including the one related to

the acid hydrolysis of the condensed inorganic
phosphorous.

6. Give two reasons as of why the methylene blue
method cannot be used for cationic surfactants.

7. What would it happen if the methylene blue
method were applied to a soap-containing water
sample?

8. What are the main interferences in the two
methods studied in this experiment?

9. For the MBAS method, what is the reason for
the acid wash of the organic phase (once the extrac-
tion has been carried out)?

Additional Related Projects

* Measure the total inorganic phosphate and the
condensed or hydrolyzable phosphates by skip-
ping the filtration step described above. This
is achieved by the transformation of the meta-,
pyro-, and polyphosphates into orthophosphates
(through acid hydrolysis); then, obtain the total
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inorganic phosphate content as well as the fraction
that corresponds to the condensed forms. This
may be performed with a 10-mL sample treated
with 0.2 mL of concentrated sulfuric acid to en-
sure an acidic pH. The mixture is then heated
and allowed to boil gently for a minimum of
5 minutes. Allow it to cool, adjust the volume
again to 10 mL with D.I. water, and apply the o-
phosphate analytical technique described earlier.

9. Anionic Detergents and o-Phosphatesin Water

» A similar procedure determines the total phospho-

rous content. In this case, treat a 10-mL sample
with 0.5 mL of concentrated sulfuric acid so that
the pH is < 1; then add 2 mL of a 5% potassium
persulfate solution and bring the resulting mixture
to boil for at least 30 minutes. Allow it to cool,
adjust the volume again to 10 mL with D.1. water,
and apply the o-phosphate analytical technique
described earlier.
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Name Section Date

Instructor. Partner.

LABORATORY REPORT SHEET—EXPERIMENT 9

PART A. Measurement of the anionic surfactant content in water samples.

Experimental data

A.1 LAS calibration curve.

Anionic surfactant used as standard.:

Concentration of the standard solution: mg/L of LAS

Wavelength used in the spectrophotometric measurement: nm

Volume of standard/
10 mL of solution Concentration of anionic surfactant, mg/L Absorbance
0
0.3
0.5
0.8
1
1.5
2
2.5
3
3.5
4

Calibration curve equation: mg/L LAS =
Correlation coefficient, r* =

A.2 Surfactant content in several water samples.
Sample A.2.1 Surface water.

Source:

Observable characteristics:

PH of original sample:
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Sample A.2.2 Detergent-containing water

Source:

Observable characteristics:

PpH of original sample:

Sample A.2.3 Detergent-containing water

Source:

Observable characteristics:

pH of original sample:

Sample A.2.4 Soap-containing water

Source:

Observable characteristics:

PH of original sample:

Sample A.2.5 Wastewater treatment plant sample

Source:

Observable characteristics:

pH of original sample:

Sample No. Type of sample Absorbance LAS concentration, mg/L
A2.1
A2.2
A2.3
A24
A.2.5

Calculation example:
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PART B. Measurement of the o-phosphate content in water samples.

Experimental data.

B.1 P-phosphate calibration curve.

Phosphate compound used as standard:

113

Concentration of the standard solution:

Wavelength used in the spectrophotometric measurement:____________nm

—mg/L of phosphorus (P)

mg/L of phosphate ion (PO4>~)

Volume of standard/10 mL of solution

Concentration of P, mg/L

Absorbance

0

0.2

0.5

1

1.5

2

25

3

4

5

Calibration curve equation: mg/L LAS =

Correlation coefficient, r* =

B.2 P-o-phosphate content in several water samples.

Sample B.2.1 Surface water.

Source:

PH of original sample:

Sample B.2.2 Detergent-containing water

Source:

PH of original sample:

Sample B.2.3 Detergent-containing water

Source:

PH of original sample:
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Sample B.2.4 Wastewater treatment plant sample

Source:

9. Anionic Detergents and o-Phosphatesin Water

pH of original sample:

Sample B.2.5 Soap-containing water

Source:

pH of original sample:

Sample No. Type of sample

P concentration,

Absorbance mg/L

B.2.1

B22

B23

B24

B2.5

Calculation example:

POSTLABORATORY QUESTIONS
AND PROBLEMS

1. According to your results of Part A, what dif-
ferences do you observe among samples? Was this
expected? Why?

2. In the sample B.2.1 (surface water), is the level of
phosphate favorable for eutrophication? What other
measurements should be carried out to have a firmer
support for your answer?

3. From the other samples (B.2.2,B.2.3,B.2.4) what
differences do you observe? Was this expected of
such samples? Why?

4. With the sample corresponding to a wastewater
treatment plant, are the levels above what is expected
from a wastewater plant discharge?

5. What kind of chemical treatment would you pro-
pose for reducing the amount of phosphate coming
out from a wastewater treatment plant? Write down
the possible reactions.

Student Comments and Suggestions

Literature References

Sawyer, C. N.; McCarty, P. L; Parkin, G. E, Chemistry
Jfor Environmental Engineering; 5th ed.; McGraw Hill:
New York, 2003.

Stumm, W.; Morgan, I. J., Aquatic Chemistry: Chemical
Equilibria and Rates in Natural Waters; Wiley Inter-
science: New York, 1996.

Patnaik, P. Handbook of Environmental Analysis: Chemi-
cal Pollutants in Air, Water, Soil and Solid Wastes; CRC
Lewis Publishers: Boca Raton, FL, 1997.



Experiment 10

Halogenated Hydrocarbons and
the Ozone Layer Depletion

Reference Chapters: 4, 8

Objectives

After performing this experiment, the student shall
be able to:

¢ Compare the reactivity of ozone for various phys-
ical and chemical conditions.

¢ Apply a volumetric technique for the detection
and quantification of ozone.

Introduction

The Earth’s atmosphere is composed of several lay-
ers: (a) the troposphere (the layer closest to the
ground) where most of the weather occurs (such
as rain, snow, and clouds), (b) the layer above the
troposphere (the stratosphere), an important region
in which effects such as the ozone hole and global
warming originate. Supersonic jet airliners fly in
the lower stratosphere (a historical example was the
French Concorde), whereas subsonic commercial
airliners are usually in the troposphere. The narrow
region between these two parts of the atmosphere is
called the tropopause.

Ozone forms a layer in the stratosphere, thinner
in the tropics (around the equator) and denser to-
ward the poles. The amount of ozone above a given
point on the Earth’s surface is measured in Dobson
units (DU)—and is typically about 260 DU near
the tropics and higher elsewhere, although there
are large seasonal fluctuations. Ozone is produced
when ultraviolet radiation—generated in the Sun—
strikes the stratosphere, dissociating (or separating)
dioxygen molecules (O;) into atomic oxygen (O).
Atomic oxygen quickly combines with more dioxy-

gen molecules to form ozone:

O, +hv—>0+0 1)
04+0;,—> 03 2)

(wavelength, A < 240 nm).

Up in the stratosphere, ozone absorbs some of the
potentially harmful ultraviolet (UV) radiation from
the Sun (i.e., at wavelengths between 240 and 320
nm) that can cause skin cancer and damage vegeta-
tion, among other effects.

Although the UV radiation dissociates the ozone
molecule, ozone can reform through the following
reactions, resulting in no net loss of ozone:

O3 +hv—> 0,40 3

0+0,—> 04 (2)
Ozone is also destroyed by the following reaction:

04+0; > 0,40, @

The Chapman Reactions

The reactions 1 to 4 are known as the Chapman re-
actions. Reaction 2 becomes slower with increasing
altitude, while reaction 3 becomes faster. The con-
centration of ozone is a balance between these com-
peting reactions. In the upper atmosphere, atomic
oxygen dominates where UV levels are high. Mov-
ing down through the stratosphere, UV absorption
increases and ozone levels peak at roughly 20 km.
As we move closer to the ground, UV levels de-
crease and ozone levels fluctuate (with a general
decreasing trend). The layer of ozone formed in the

115
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stratosphere by these reactions is sometimes called
the Chapman layer.

Molecular chlorine is easily photodissociated
(i.e., split by sunlight):

Cl+hv - Cl+Cl 5)

This is the key to the timing of the ozone hole.
During the polar winter, the cold temperatures that
form in the “vortex” lead to the formation of po-
lar stratospheric clouds. Heterogeneous reactions
convert the reservoir forms of the ozone-destroying
species (like chlorine and bromine) to their molec-
ular forms. When the sunlight returns to the polar
region during the spring in the southern hemisphere
(corresponding to the northern hemisphere autumn),
the Cl, is rapidly split into chlorine atoms, which
lead to the sudden loss of ozone. This sequence of
events has been confirmed by measurements before,
during, and after the ozone hole.

There is still one more ingredient to consider in
the broad picture of the ozone destruction. We still
have most of the ozone, but we have not explained
the chemical reactions in which atomic chlorine ac-
tually participates to destroy ozone. We discuss this
next.

Catalytic Destruction of Ozone

Measurements of chemical species above the pole
show high levels of active forms of chlorine. How-
ever, we still have many more atoms of ozone than
we do of the active chlorine, so how it is possible to
destroy nearly all of the ozone?

The answer to this question lies in what are known
as “catalytic cycles.” A catalytic cycle is one in
which a molecule significantly changes or enables
a reaction cycle without being altered by the cycle
itself.

The production of active chlorine requires sun-
light, and sunlight drives the following catalytic
cycles thought to be the main cycles involving
chlorine, responsible for destroying the ozone:

ClO+ClIO+M — CLO, +M 6)

CLO, + kv — Cl1 + ClIO, )
ClO,+M—->Cl+0,+M ®

where M represents any mediator atom or molecule

needed to absorb the excess energy of the interme-
diate formed.

10. Halogenated Hydrocarbons and the Ozone Layer Depletion

Then:
2 x (C1403) > 2 x (CI0 + 0,) 6)]
Net reaction:
205 > 30, (10)

In this experiment we will explore the behavior of
ozone toward different reaction conditions, such as
the presence of UV light and of an organochlori-
nated compound.

Experimental Procedure

Materials Reagents

4 plastic bags (polyethylene, 2 kg) 0.3 M KI

1 black plastic bag 0.0005 M Na,$,03 - SH,O
2 10-mL syringes CH;Cl,

1 1-mL volumetric pipet 0.5% starch solution

2 2-mL microburet concentrated H,SO4

1 three-finger clamp

1 magnetic bar

1 magnetic stirrer

2 10-mL beakers

1 long wave UV pencil lamp
1 stop watch

3 10-mL Erlenmeyer flasks

1 propipet bulb

1 universal stand

1 ozone generator

Experiments

I) Ozone vs time

Connect the exit of the ozone generator to a plastic
bag; close it perfectly in order to avoid any leaks.
This bag is protected of the light by covering it
with a black bag. See Figure 1.
Start the ozone generator until the bag is filled
(this takes around 3 min).

Sampling:

Simultaneously with filling the bag, prepare the
reagent to detect the ozone: in a 10 mL Erlenmeyer
flask pour an aliquot of 1 mL of KI solution and add
2 drops of acid and 2 drops of starch indicator. Suck
this solution completely with the syringe.
Immediately after you have filled the bag, suck
with the syringe 9 mL of the air in the bag. Shake
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SYRINGE TO TAKE SAMPLES

L Vi
23.1
| UN% @
L V
OZONE GENERATOR

FIGURE 1. Experimental set-up.

the syringe with the mixture for 1 minute, and re-
turn it to the Erlenmeyer flask and titrate it with the
thiosulfate solution. Register the reading of the used
volume.

Take six or seven samples in total, at different
time intervals (every 4 minutes or so) up to 20-25
minutes.

II) Ozone + CH,Cl; vs time

Connect the exit of the ozone generator to a plastic
bag; close it perfectly in order to avoid any leaks.
This bag is protected of the light by covering it with
a black bag.

Start the ozone generator until the bag is filled
(this takes around 3 min). Once the bag is filled
with air/ozone introduce 1 mL of methylene chlo-
ride with a syringe.

In a 10-mL Erlenmeyer flask pour a 1mL aliquot
of KI solution and add 2 drops of acid and 2 drops of
starch indicator. Suck this solution completely with
the syringe.

Immediately after, take a 9-mL sample with a sy-
ringe containing ! mL of the KI solution.

Shake the syringe with the mixture for 1 minute,
return it to the Erlenmeyer flask and titrate it with
the thiosulfate solution. Register the reading of the
used volume.

Take six or seven samples in total, at different
time intervals (every 4 minutes or so) up to 20-25
minutes.

IIT) Ozone + UV vs time

Repeat the previous procedure, but now place the
UV lamp inside the bag before introducing the
ozone. Start the ozone generator until the bag is filled
(this takes around 3 min); once the bag is filled, turn
on the UV lamp.

In a 10-mL Erlenmeyer flask pour a 1-mL aliquot
of KI solution and add 2 drops of acid and 2 drops of
starch indicator. Suck this solution completely with
the syringe and then suck 9 mL of the air that is in
the bag.
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Shake the syringe with the mixture for 1 minute,
transfer its contents to the 10-mL Erlenmeyer flask
and titrate it with the thiosulfate solution.

Register the reading of the used volume. Take six
or seven samples in total, at different time intervals
(every 4 minutes or so) up to 20-25 minutes.

IV) Ozone + CH,Cl; + UV vs time

Repeat the previous procedure for the filling of
air/ozone in the bag. Once the bag is filled with
air/ozone introduce 1 mL of methylene chloride
with a syringe and turn on the UV lamp.

10. Halogenated Hydrocarbons and the Ozone Layer Depletion

In a 10-mL Erlenmeyer flask pour a 1-mL aliquot
of KI solution and add 2 drops of acid and 2 drops of
starch indicator. Suck this solution completely with
the syringe.

Immediately after, take a 9-mL sample with a sy-
ringe containing 1 mL of the KI solution.

Shake the syringe with the mixture for 1 minute,
and return it to the Erlenmeyer flask. Then, titrate
it with the thiosulfate solution. Register the reading
of the used volume.

Take six or seven samples in total, at different
time intervals (every 4 minutes or so) up to 20—
25 minutes.
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Name. Section Date

Instructor. Partner.

PRELABORATORY REPORT SHEET—EXPERIMENT 10

Objectives

Flow sheet of procedure

Waste containment and recycling procedure

PRELABORATORY QUESTIONS AND 3. Establish the proper equations to obtain the ozone
PROBLEMS concentration once you have the volume of titrant.

1. Write the balanced equations for the reaction of A dditional Related Projects

ozone with KI. ) o »
¢ Perform the experiment with different quantities

of methylene chloride.
2. Write the balanced equations for the reaction of ¢ Perform the experiment with an olefin (i.e., ethy-
iodine with thiosulfate. lene) or acetylene.
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Section Date

Name.

Partner

Instructor.

LABORATORY REPORT SHEET—EXPERIMENT 10

I) Ozone vs. Time II) Ozone + UV vs, Time

Time, min Vol. titrant, mL 05 conc., mg/L

Time, min Vol. titrant, mL O3 conc., mg/L
0

II) Ozone + CH;Cl, vs. Time IV) Ozone + CH;Cl; + UV vs. Time

Os conc., mg/L Time, min Vol. titrant, mL O3 conc., mg/L
0

Time, min Vol. titrant, mL
0

Ozone depletion

O; conc., mg/L

4 6 8 10 12 14 16 18 20 22 24
Time, min
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POSTLABORATORY PROBLEMS
AND QUESTIONS

1. Discuss the results you obtained regarding how
fast was the decreasing of ozone concentration under
the various conditions.

2. Propose a different method for ozone quantifica-
tion.

Student Comments and Suggestions
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Experiment 11

Acid Mine (or Acid Rock) Drainage

Reference Chapters: 5, 8

Objectives

After performing this experiment, the student shall
be able to:

* Understand key interactions between metal sul-
fides and their natural surroundings.

¢ Mimic mine tailings and observe their oxidation
by different species.

» Test the role of Fe(Ill) as a natural oxidizer.

Introduction

Metal sulfides are ubiquitous in the environment.
For example,

(a) They are the main components of ore rocks and
are present in abandoned mining sites.

(b) Large coastal areas are covered with marine
sulfide-rich sediments.

(c) Oceanic black smokers
amounts of sulfides.

contain sizeable

When sulfide minerals are exposed to air, they be-
come oxidized. Microorganisms make this oxida-
tion some 10°-10° times faster. After coming in
contact with water (mainly rainwater), these min-
erals form aqueous solutions that are notably acidic
and are called acid mine drainage (AMD) or acid
rock drainage (ARD). A wider classification of
waters associated with mining projects is that of
mining-influenced waters (MIW), as summarized in
Table 1.
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Because Fe is often the main metal present, AMD
can be represented by the oxidation of pyrite:

FCSQ(S) + H20(1) +17/2 O2(g)
— Fe?* +250,% + 2H" (1)

The Fe?* thus produced oxidizes to Fe** in air, al-
beit very slowly at low pH (with #;, values on the
order of years):

F62+ + 1/402(g) + HY —» Fe3+ + 1/2H20(1) 2)

Then, Fe** can either hydrolyze and form insoluble
Fe(IHT) hydroxide, or act as an additional oxidant for
FeS, to produce Fe?*, as predicted from the corre-
sponding Pourbaix diagram (see McNeil and Little,
1999):

FeSyq) + 14Fe** + 8H,O0(
— 15Fe?t 4280, + 16HT  (3)

The residues obtained after the main mineral or
metal has been extracted are called mine tailings.
They normally appear in a substantially divided
form (as a result of crushing and grinding) and there-
fore have high surface areas that favor reaction 1
upon contact with air. The ensuing production of
protons and sulfate ions yields sulfuric acid capable
of dissolving minerals, thereby increasing metal and
non-metal ion content and acidity in nearby surface
waters, ground waters, and in the corresponding re-
ceiving water bodies. When the water table is near
the surface, capillary rise and evaporation may also
contaminate the upper soil layers. Amazingly, tail-
ing dumps can be oxidized at depths of even several
meters.
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TABLE 1 Mining-Infiuenced Waters
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Type Abbrev. pH Primary treatment problem
Acid rock drainage ARD Acidic Elimination of acidity
(or acid mine drainage) (AMD)
Mineral processing water MPW Basic Elimination of CN~, AsO43~, SeQ42~
Marginal waters MW Circumneutral Removal of small conc. of contaminants in high flows of water
Residual waters RW Basic Removal of high levels of TDS

Source: Wildeman and Schmiermund, 2004.

Schemes devised to ameliorate AMD production
include the use of coatings to encapsulate the pyritic
surface and the sequestration of Fe3* with chelating
agents, which reduces the effective concentration of
this oxidant and can reduce its standard potential as
well. Addition of sacrificial reducing agents (e.g.,
CaSO0s) may also prove helpful.

AMD processes typically occur in long time
scales, and as such this subject is hardly fit for school
laboratory experiments. The handling of the neces-
sary bacteria would introduce additional difficulties.
Nonetheless, because these phenomena are impor-
tant from the perspective of environmental educa-
tion, we present here suitable conditions to simulate
and study the (non-biological) production of AMD
in a laboratory session using simple equipment and
materials.

Experimental Procedure

Estimated time to complete the experiment: 4 h.
(Note: In order to complete the five experi-
ments suggested below in a single lab session,
we recommend that five similar setups be pre-
pared and run simultaneously by different student
teams).

Materials Reagents

1 pH meter nitrogen gas
4 20-mL beakers FeS (solid)
1 magnetic stirrer D. L. water

1 aquarium pump ferric sulfate
1 2-mL graduated pipet
1 spatula

2 Beral pipets

Note: The term pyrite commonly refers to the
mineral FeS,. Ferrous sulfide, FeS is a precursor

of Fe$; formation, resulting from the interaction of
iron minerals with the products of biological sulfate
reduction under anoxic conditions. Because the rate
of oxidation of the latter may be greater than that of
pyrite and it is commercially accessible, we selected
FeS for the following experiments.

Experiment 1

Set up a system consisting of a 20-mL beaker
equipped with a pH electrode, a small magnetic stir-
ring bar, and a small-diameter plastic or rubber tube
equipped with a Pasteur pipet or a glass tube (so as
to bubble either air or nitrogen to a reaction mix-
ture contained in the beaker). See Figure 1. Grind
a few small pieces of commercial FeS with a mor-
tar and pestle. Because grinding produces differ-
ent degrees of surface oxidation, the instructor may
wish to establish a “grinding protocol.” Caution:
Even though FeS is not generally regarded as a
health hazard, it is advisable not to breathe its
dust.

Add 100 mg of the resulting powder to 10 mL
of deionized water inside the beaker. Now, begin
bubbling air by means of an aquarium pump (we
have used a flow rate of 80 mL min~!) and turn on
the stirrer. After a short equilibration period (e.g.,
10 min, during which the pH is somewhat erratic),
start monitoring pH as a function of time for at least
120 minutes (or more, if time permits). Plot the re-
sulting pH vs time curve.

Experiment 2

In order to simulate reaction 3, repeat Experiment 1
but this time also add 10 mg of ferric sulfate to
the reaction mixture and then monitor the pH as
above.
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Air pump

OFF ON SLOPE

=

S0

TEMP STD

@@D

FeS

Parafilm

Magnetic stirrer

FIGURE 1. Experimental set-up.

Experiment 3 Experiment 5

Repeat Experiment 2, but do not include FeS in the Repeat Experiment 4, but use 1 mL of fresh 30%
reaction mixture. H;0; instead of Fe;(SO4)s.

Caution: 30% H, 0, is corrosive and a strong oxi-
dizer. Use protection to avoid contact with human
Repeat Experiment 2, but use nitrogen gas instead tissue.

of air.

Experiment 4
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Date,

Instructor.

Partner.

PRELABORATORY REPORT SHEET—EXPERIMENT 11

Objectives

Flow sheet of procedure

Waste containment and recycling procedure

PRELABORATORY QUESTIONS AND
PROBLEMS

*1. The reaction responsible for the production of
acidity during the acid mine drainage process of ox-
idation of pyrite by dioxygen can also be written as:

aFeSy + bOz(g) + CHzo(l)
— aFe(OH)3(s) + dSO4*~ + eH™
Find the smallest integer values for g, b, ¢, d, and e
so as to balance this equation.

*2. Calculate the acid-producing potential of pyrite,
defined as the number of millimoles of protons the-
oretically produced by 100 g of a pure pyrite sam-
ple (see Horan, 2005), based on the overall reaction
found in Problem 1.

* Answer in this book’s webpage at www.springer.com

*3. Calculate the pH of a 0.1 M solution of
Fex(504)3.

*4. Calcium carbonate is sometimes used for neu-
tralizing acid mine drainage. Calculate the neutral-
izing capacity of 100 g of CaCOs, in terms of the
millimoles of H* that this amount can theoretically
neutralize (see Horan, 2005).

5. Explain the difference between mineral acidity
and proton acidity in an AMD.

Additional Related Projects

¢ Titrate the solutions resulting from each exper-
iment and calculate the moles of H* produced.
Because acid mine drainage is sometimes neu-
tralized with CaCOs), calculate the number of
moles of this substance needed to neutralize each
solution.
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¢ Monitor the concentrations of Fe(Il) and Fe(III)
with time and compare them with the concentra-
tion of protons (see Kargbo, 2004).

¢ Use microwaves to speed-up the dissolution pro-
cess and compare to a control without microwaves
(see Kuslu, 2002).

* For a quick demonstration of the acidifying effect
of metal sulfide oxidation, test the pH of a drop of
30% H»O, using pH paper. Place a small amount
of Fe$, or FeS (about 10 mg) in a small test tube
and add 15 drops of 30% H;0O, (see the cautionary
note about H,O, above). Allow the reaction to
proceed until the bubbling stops. Test the pH of
the solution. (See Horan, 2005).

¢ Because it is known that the oxygen in the sulfates
resulting from acid mine drainage comes from the
water in contact with pyrite, try a non-oxygenated,
polar solvent and observe and comment on any
possible differences in behavior observed (espe-
cially rates), as compared to your experimental

11. Acid Mine (or Acid Rock) Drainage

observations from the present lab experiment.
(See Usher, 2004).

Treat a simulated acid mine waste by preparing
a solution containing Fe*, Fe?*, and Zn?* (400
mg, 400 mg, and 130 mg per liter, respectively),
neutralizing it with NaOH, and precipitating the
metal sulfides with Na,S. Analyze the metal con-
centrations in the solution before and after the
treatment. (See Horan, 1997 and 2005).

Acid mine waste is sometimes treated with differ-
ent organic wastes—used as substrates—whereby
biological, chemical, and physical processes aid
in its clean up. Use different wastes (e.g., com-
post, manure, hay, rich soil, and grass) and place
them in a solution to be treated (prepared as in the
previous project), both in an open and in a closed
container. This will allow aerobic and anaerobic
processes to be compared. Observe, analyze, and
compare both samples. Comment on your find-
ings. (See Horan, 1997 and 2005).
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Name Section Date

Instructor. Partner.

LABORATORY REPORT SHEET—EXPERIMENT 11

Source and purity of the FeS used

Experiment 1

Volume of solution mL
Weight of FeS mg
Sieve size used with FeS (optional)
Carrier gas
Flow rate of the carrier gas mL min~!
Plot your pH vs time data.

o

=%

t, min
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Experiment 2
Moles of ferric sulfate added moles
Carrier gas
Flow rate of the carrier gas mL min~!
Plot your pH vs time data.
==
2
t, min
Experiment 3
Carrier gas
Flow rate of the carrier gas mL min~!
Plot your pH vs time data.
T
=3

t, min
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Experiment 4

Carrier gas

Flow rate of the carrier gas
Plot your pH vs time data.

pH

Experiment 5

Volume and concentration of the H,O,
Carrier gas

Flow rate of the carrier gas

Plot your pH vs time data.

pH

t, min

129
mbl min~
mL, %
mL min~!

t, min
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11. Acid Mine (or Acid Rock) Drainage

Compare the five curves obtained on the same plot. Are the results what you expected?

Explain the behavior of each curve.

POSTLABORATORY PROBLEMS
AND QUESTIONS

*1. During pyrite oxidation at low pH, in the pres-
ence of Fe>* but in the absence of O, the system
obeys the relationship

log(M/Mgy) = —kt

where My and M are the number of surface moles of
unreacted FeS, at the beginning of the experiment
and at a time ¢, respectively, and k is a constant. (See
Kargbo, 2004).

a) Obtain from this expression the rate equation
for pyrite oxidation under these conditions in
the form of dM/dt as a function of M.

b) What is the reaction order?

*2. Pyrite oxidation is a very complex process during
which its surface becomes covered with different in-
soluble species. These can be analytically discrim-
inated and the following table gives the (rounded
off) elemental ratios thus found or estimated. The
species involved are FeO, Fe, 03, Fe;04, FeOOH,
Fe(OH),, Fe(OH)s, and FeS;. Assign the formula
of each species to its corresponding data. (Note that
sulfur in pyrite bears an oxidation state of —1).

In the example solved in the table for Fe;O4, one
can note that this species results from the combi-
nation of one FeO unit and one Fe,O3 unit. The
ratio of Fe(IIl) to oxygen-containing ions, (OH™+
0%7) is then 2/4 = 0.50 (because there are no
OH™ in Fe;0,4). The total number or irons is 3
and the total number of oxide ions is 4. Then, the
Fe(Tot)/(OH~+ O%7) ratio is 3/4 = 0.75.

Fe(lI1y/ Fe(Tot)/ 0%/  Fe(il)
(OH- +0%") (OH" +0*) OH- S(-I)  Species
0.50 0.75 — — Fe304
— 0.50 — —
— — — 050
— 1.00 — —
0.67 0.67 — —
0.50 0.50 100 —
0.33 0.33 — —

Data obtained by analyzing the sizes and location of the peaks
corresponding to the electron binding energies of their con-
stituent atoms with XPS (X-ray photoelectron spectroscopy)
(Bonnissel-Gissinger, 1998).

*3. A long-standing question concerning the mecha-
nism of pyrite oxidation in the presence of dioxygen
in wet environments is whether the oxygen that be-
comes incorporated into the resulting SO4%~ and
FeOOH species (see the corresponding reaction in
the Introduction) comes from the dissolved dioxy-
gen or from the water.

Using an a analytical technique (sensitive to
isotopic-substitution) with H,'°0, H,'#0, and 10,
control tests were run with pure reagents prepared
with and without isotope-labeled water and dioxy-
gen. The results were then compared to those ob-
tained with pyrite samples also exposed to isotope-
labeled water and to dioxygen. The results are
given in the table. (Note that 160, was used in all
cases).

* Answer in this book’s webpage at www.springer.com
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Control tests

Sample tests

Group analyzed SOﬁ_ FeOOH SOﬁ_ FeOOH
Water used H'%0 H*0 H'%0  H*0  H,%0 H,'%0 H'%0 H,%0
Peak observed, cm™! 1105 1030 835 below 800 1105 1030 835 835

Data obtained with in situ reflectance infrared spectroscopy (Usher, 2004).

Complete the following phrase by selecting the op-
tion from the list below that best interprets these
results:

“The oxygen that becomes incorporated into
S04%~ comes from , and the oxygen
that becomes incorporated into FeOOH comes
from "

Options:
1) water, water
ii) dioxygen, dioxygen
iii) water, dioxygen
iv) dioxygen, water

Student Comments and Suggestions
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Experiment 12

Electrochemical Treatment

of Gas Pollutants

Reference Chapter: 10

Objectives

After performing this experiment, the student shall
be able to:

¢ Convert a gas pollutant into its constituent ele-
ments in a pure and useful form.

¢ Understand and apply an electrochemical indirect
method for the destruction of a (hazardous) waste
gas.

 Interpret the physical and chemical phenomena
(i.e., color changes, bubbling) observed during the
course of an indirect electrochemical reaction.

Introduction

Electrochemical remediation methods require an
ion-conducting medium to perform their function of
oxidizing or reducing polluting species. For this rea-
son, gaseous mixtures must be normally absorbed
first in aqueous solutions to be treated. This can be
accomplished either by using an absorption medium
inside an electrochemical cell (inner-cell process) or
by first absorbing the gas and then transferring the
absorption medium into the electrochemical cell for
treatment (outer-cell process). Also, in such meth-
ods the polluting species can either undergo electron
transfer on an electrode surface (direct electrolysis),
or electrons can be shuttled to/from the electrode by
an electron carrier or mediator (indirect electroly-
sis). Some examples of gases treated electrochemi-
cally are discussed in Chapter 10.

Hydrogen sulfide is a well-known pollutant pro-
duced in considerable amounts by sulfate reduc-

tion in organic-rich (anaerobic) environments, from
heavy oil desulfurization processes, oil recovery
operations, coal gasification/liquefaction processes,
etc. It is frequently treated by absorption in basic
scrubbing solutions of different amines whereby the
scrubbing liquor can be regenerated, providing a
concentrated stream of H,S that unfortunately re-
quires further treatment. Alternatively, the Claus
process can be used:

H,S(g) + 302 — SOy + H20) (1)
HyS(g) + SOxg) = 2S¢) + H2Og) + 302 (2)

This presents the following disadvantages: 1) hydro-
gen is essentially wasted, because H,O is produced
from it, 2) the high temperatures and catalysts re-
quired do not offer flexible adjustment to varying
concentrations of H,S, 3) a pre-treatment for the
separation of companion hydrocarbons and H; is
required, and 4) a post-treatment is required since
the Claus process converts only 90-98% of the ini-
tial H,S content.

In this experiment, H,S will be produced and then
absorbed with simultaneous reaction, whereby sul-
fide ions are oxidized by a chemical oxidant (medi-
ator) to elemental sulfur. Then, elemental hydrogen
will be produced at the cathode of an electrolytic cell
and the oxidant will be simultaneously regenerated
at the anode. The net result is rather uncommon: the
decomposition of a pollutant (H,S) into its compo-
nents in their pure, useful elemental forms.

The reactions are:
a) Chemical:
HzS(g) + 13— - S(s) + 31" + 2H*
(in the aqueous solution) 3)
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b) Electrochemical:

3T —» 13_ + 2e”
2H' +2¢~ — Hz(g)

(at the anode)
(at the cathode)

4
&)

Experimental Procedure

Estimated time to complete the experiment: 1.5 h

Materials Reagents

2 20-mL beakers H,S

1 funnel Solution 0.25 M KI, 0.05 M
1 2-mL graduated pipet I, 0.05 M HCl

1 5-mL graduated pipet 6 M HCI

2 Beral pipets ZnS

filter paper D. L. water

1 platinum electrode

1 lead electrode

1 graphite electrode

2 alligator clips

19-V battery, or an AC/DC
converter

This experiment is comprised of two steps. (1) A
chemical oxidation step, where H,S (or a sulfide in
solution) is oxidized by I»/I;, and (2) the electro-
chemical regeneration of the I/I; by oxidation of
the I~ with the concomitant reduction of H* to H,.
See Figure 1.

Prepare with stirring a stock solutionto be 0.25 M
in KI, 0.05 M in I,, and 0.05 M in HCI. This will
be called the scrubbing solution. Pour 2 mL of this
solution into a 3-mL conical bottom vial. Under a
well-ventilated hood bubble H, S gas through it, pro-
duced by conventional methods (for example, by
adding 2-3 mL of 6 M HCl1 t0 0.11 gof ZnS in a
30- or 60-mL syringe, according to the method of
Mattson, 2001). Caution: The acid is corresive to
human tissue, handle with care. Alternatively, add
slowly 5 to 7 drops of a concentrated sulfide solu-
tion (ammonium sulfide works well) that simulates
the presence of H;S in the scrubbing solution.

Caution: H,S is a very poisonous gas. It binds
to hemoglobin where dioxygen should be bound,
and thus prevents its uptake and transport. It can
lead to intoxication (and in extreme cases, even
to death). Prepare and use it under the hood.
Sulfide solutions must be handled with the same
precautions.

12. Electrochemical Treatmentof Gas Pollutants

2H,0 + 26 —— H, +20H
2 —— |, +2¢

FIGURE 1. Indirect electrochemical treatment of H,S.
(Adapted from Ibanez, 2006).

A dramatic change in color will occur within a
few minutes due to the oxidation of S~ ions by I,
(or better, by the I ions), producing a suspension of
yellow elemental sulfur plus colorless iodide ions.
Filter this suspension with a very fine filter paper
and collect the filtrate in a 10-mL beaker. This will
serve as the electrochemical cell for this experiment.
The resulting filtrate will now be electrolyzed with
a 9 V battery or an electronic direct power source.
To this end, partially dip two electrodes in the solu-
tion (for example, platinum, lead, or graphite). Do
not let them touch each other! Connect each one
with an alligator clip to the terminals of the power
source.

Turn the power on. If a regulated power source
is used, maintain a voltage between 1 and 3 volts.
Note: If graphite is used, maintain the voltage as
low as possible (just enough as to see a color
change, as described below), because otherwise the
graphite at the anode may disintegrate in pieces due
to the production of O, which diffuses into its basal
planes, causing their rupture. Also, if a chlorine-
like smell is noticed, decrease the applied poten-
tial since chloride ions from the HCI present in
the solution can be oxidized to produce chlorine
gas.

After a short time, a dramatic color change is
noted in the vicinity of the anode (i.e., it goes back



Experimental Procedure

to dark brown) as a result of the re-oxidation of
the I~ ions back to I, or I;~. High purity hydrogen
is simultaneously produced at the cathode, which
can then be collected and tested in the traditional
manner.
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The iodine solution is now ready to be re-utilized
for sulfide oxidation if desired, which makes this ex-
periment even more appealing from an environmen-
tal perspective. (For example, we have performed at
least 20 of these cycles with the same solution).
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Name

Instructor

Section

12. Electrochemical Treatmentof Gas Pollutants

Date

Partner

PRELABORATORY REPORT SHEET—EXPERIMENT 12

Objectives

Flow sheet of procedure

Waste containment and recycling procedure

PRELABORATORY QUESTIONS AND
PROBLEMS

1. Give three examples of cases where electrochem-
ical techniques can, in principle, be utilized for the
transformation and/or removal of pollutants.

2. If an electrochemically-active pollutant is to be
oxidized and it has a standard potential of +0.50 V
(vs the standard hydrogen electrode, SHE), which
of the following potentials could, in principle, be
applied to an electrode to efficiently achieve that
operation?

a)—0.50V,b)0V,c)+0.50V,d)+ 1.00 V vs SHE.
Explain.

*3. Formaldehyde is a well-known toxic organic
substance frequently found as a vapor. It can be

* Answer in this book’s webpage at www.springer.com

degraded into harmless products with electrogen-
erated hydrogen peroxide either in acidic (with the
aid of a catalyst, not shown below) or basic solu-
tions according to the following equations, respecti-
vely:

a) O, + 2HY +2¢~ = H,0,
HCHO + H,0, = HCOOH + H;0

b) Oy + H,0 + 2¢~ = HO; + OH~

2HCHO + HO; + OH™
=2HCOO™ + H,0 +H,

Based only on stoichiometric arguments and as-
suming no side reactions, in which of the two
cases is the current efficiency for formaldehyde de-
struction higher? (Note: Current efficiency can be
defined as the charge employed for a given pro-
cess divided by the total charge passed through the
system).
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Additional Related PI'OjCCtS * Absorb SO, in an electrochemical cell contain-
ing solid Cu particles in a conductive solution.

* Replace the I/~ oxidizing system with Fe**/ Dioxygen dissolved in the aqueous phase can ox-
Felt. idize SO, to H,SOy in the presence of Cu, which
* Perform the reactive absorption of SO, by bub- in turn produces Cu?* ions that are reduced at the
bling it through a solution containing dissolved  cathode. Anodic oxidation of SO, can also occur,
Fe*t. The H,S04 thus produced can be analyzed which increases the conversion efficiency. (See
(e.g., quantitatively by titrimetry, qualitatively by Rajeshwar, 1997).
any standard test for sulfates). (See Rajeshwar,
1997).
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Name

Instructor

Section

Partner

12. Electrochemical Treatmentof Gas Pollutants

Date

LABORATORY REPORT SHEET—EXPERIMENT 12

Observations

1. Original color of the solution

2. Moles of sulfide used in the syringe

3. Theoretical number of moles of gas produced

4. Moles of iodine used

5. Color of the aqueous mixture after bubbling the H,S gas

6. Color observed at the anode during electrolysis

7. Color observed at the cathode during electrolysis

POSTLABORATORY PROBLEMS
AND QUESTIONS

1. Find in the literature an example of a direct elec-
trochemical treatment of a polluting gas.

*2. The general process for the electrocatalytic oxi-
dation of an organic molecule (C,H,0,) by Ag(Il)
ions in the form of AgNOY is as follows. First, Ag(I)
is oxidized to Ag(Il) at the anode of an electrochem-
ical cell. Then, Ag(Il) oxidizes the organic to CO;:

aAgNO} + C,H,0, + bH,0
= aAg+ + nCO; 4+ aHNO;

and the cycle can be repeated again. For example,
for the oxidation of the two carbons in acetic acid
to CO, (where the carbon atom is in an oxidation
state of +4), eight electrons need to be removed,
whereas the same procedure for ethanol requires
removal of 12 ™.

moles

moles

moles

With this information write the above equation
for the following substances and balance the re-
sulting equations: ethylene glycol, acetone, and
benzene.

*3. The electrocatalytic reduction of CO, to produce
n-alcohols, R-OH can occur as follows:

aCO; + bH,0 + e = R-OH + ¢cOH™

where R is a Cy, C;, or C; aliphatic carbon chain.
a) Write the balanced equations for the production
of methanol, ethanol, and n-propanol.

b) Find three generalized algebraic equations that
relate the stoichiometric coefficients as follows: n
with ¢, n with a, and n with b. [In other words, n =

fc),n=f"(a), n=f"(b)].

* Answer in this book’s webpage at www.springer.com
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Student Comments and Suggestions
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Experiment 13

Electrochemical Treatment of Liquid

Wastes

Reference chapter: 10

Objectives

After performing this experiment, the student shall
be able to:

¢ Understand and apply an indirect oxidation
method for the destruction of hazardous wastes.

* Interpret the changes observed during the course
of an indirect electrochemical reaction.

¢ Construct an electrochemical cell.

Introduction

As discussed in Chapter 10, electrochemical
processes can often be used to address environ-
mental problems. Some of the main characteris-
tics that make these techniques promising include
their versatility, environmental compatibility, eco-
nomic feasibility, ambient temperature and pres-
sure requirements, and amenability to automation.
Electrochemical approaches to remediation include
direct and indirect electrolysis, membrane-based ap-
proaches (e.g., electrodialysis), electrokinetic reme-
diation of soils, dissolution-electrolysis of gases,
photoelectrochemical techniques, disinfection of
water, etc.

The electrolytic production of an intermediate
species for the oxidation/reduction of another sub-
stance is known as indirect electrolysis (this con-
cept is discussed in Section 10.1). This process can
be made reversible or irreversible, depending on
whether the mediator (catalyst) can or cannot be
electrochemically regenerated and recycled in the
process. The equations that describe the reversible
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case (for an oxidation reaction) are:

C—>Ct+e E} ()
C* +Red > C +0Ox* E @

where C is the redox mediator, Red is the pollutant
species, Ox ™" is its oxidized product and E9 and E9
are the corresponding standard potentials for reac-
tions 1 and 2 (here, EJ > 0). In addition to the re-
duction or oxidation of the target pollutant, other
reactions can compete. The most likely cathodic
parasitic reactions (reductions) in the presence of
dioxygen in aqueous solutions are:

(acidic solution): 2H" +2e~ = H,
E°=000V (3a)
(neutral or basic): 1/2 O, +H,O0+2e™ =20H"
E°=0.401V (3b)

whereas the most common competing anodic reac-
tion (oxidation) is the reverse of:

O +4H" +4e” =2H,0 E°=123V (4)
In this experiment, students will produce a strong
oxidizer [i.e., Co(III)] at the anode of a home-made
electrolytic cell. This species will, in turn, oxidize
a surrogate organic pollutant (e.g., ethylene glycol,
ethanol, glycerol) to produce CO;. The resulting gas
is collected in a trap and its presence made evident
by the appearance of a precipitate. Once reduced by
its oxidizing action upon the pollutant, the mediator
can be electrochemically regenerated so as to initiate
the treatment cycle.
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Experimental Procedure

Estimated time to complete the experiment: 1.5 h

Materials Reagents

1 1-mL graduated pipet Ca(OH),

3 Beral pipets CoS04-7H,0
1 collection tube H;SO4

1 10 x 75 mm test tube D. I. water

2 nichrome wires or paper clips glycerin

1 Pasteur pipet acetic acid (or vinegar)
1 10-mL beaker dilute H,SO4
1 50-mL beaker CaCO3

1 water bath

1 Cu wire

Hot silicon glue

1 9-V battery, or an AC/DC
converter

1 thermometer

2 alligator clips

1 rubber stopper

Experimental steps: The procedure involves three
steps: (1) oxidation of a surrogate organic waste
(glycerin) with a redox mediator in aqueous solu-
tion, (2) scrubbing of the gases exiting from the
electrochemical cell to trap the CO,, and (3) regen-
eration of the reduced half of the redox mediator,
Co(II) by addition of an oxidizable organic com-
pound to the remaining Co(III) solution.

Obtain a disposable plastic transfer pipet (also
called Beral pipet) of approximately 4-5 mL capac-
ity to be used as a microelectrochemical cell. Cut
6~7 cm (approx. 2.5 in) of Pb wire (alternatively, a
small piece of thin Pb foil can be “rolled” as to make
a wire replacement) to act as the anode and a similar
length of either nichrome wire or a paper clip (nor-
mally made of steel) to serve as the cathode. Pt wire
can also be used as the anode. Insert both electrodes
in opposite sides of the upper portion of the Beral
pipet in such a way that they do not touch each other
as shown in Figure 1. Prepare a clear saturated so-
lution of Ca(OH), by stirring approximately 0.1 g
of Ca(OH), in 10 mlL. of deionized water followed
by filtration.

Note: Avoid any danger posed by Pb residues
possibly left on your hands, by washing thor-
oughly with soap and water.

Obtain from the instructor or prepare a solution of
0.05 M CoS0Oy in 2 M H,S0O,. This can be prepared
by adding 70 mg of CoSO4-7TH,0 to S mL of 2 M
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H,S04 in a 10-mL beaker (stir well for a few min-
utes until all the solid is dissolved). Place 2-3 mL
of this solution in another 10-mL beaker. Prepare in
a 10 x 75 mm test tube a solution of a non-volatile
surrogate organic waste by adding 1 drop of glyc-
erin to 50 drops of water. Mix and take one drop of
this solution and add it to the cobalt—sulfuric acid
solution (this contains approximately 1.4 x 1072
mmoles or 1 uL of glycerin). Alternatively, acetic
acid (or vinegar) can be used. In this case, add, for
example, four drops of a 6 M acetic acid solution
directly to the cobalt—sulfuric acid solution. Shake
for a few seconds as to have the surrogate waste
completely dissolved. Then, either draw this pink
solution into the Beral pipet through its stem or in-
troduce it with a disposable Pasteur pipet or a small
syringe through one of the holes punctured by the
wires (then, reinsert the removed wire). To prevent
any gas leaks (see below), a silicon-type sealant or
melted wax may be applied at the electrode insertion
points. Next, place the saturated Ca(OH), solution
in a collection tube (e.g., a small culture tube). In-
sert the tip of the stem of the pipet into this solution
so that the gases exiting from the end of the stem of
the Beral pipet bubble through it. See Figure 1. In
order to enable the bending of the pipet stem and its

Thermometer
Saturated
Ca(OH),ff
Lead {anodel
—_—
F\
CoSO, =—==| _
in ™~ Alligatorclips
H,S0O, NS — & __,/
< |
+ W
Surrogate L ¥ HIRH;
. e o/ il .
Organic o _— J
; =
Waste  {Pvater Bath 40-50\6}
\\\\

/

FIGURE 1. Microelectrochemical cell for the indirect elec-
trolytic destruction of organic wastes. (Adapted from
Ibanez, 1997, and Ibanez, 2006).
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introduction into the Ca(OH), solution, a piece of
Cu wire may be inserted in the pipet stem.

Heat a water bath in a 50-mL beaker to 40-50°C
and maintain the temperature in this range during
the entire experiment. Place the bulb of the pipet
in the water bath. Connect the wires with alligator
clips to the positive (Pb wire) and negative (paper
clip) ends of a DC power source (e.g., a 9 V bat-
tery, an AC/DC adapter or an adjustable DC power
source). If a power source other than a battery is
used, turn it on at this point (adjust the potential to
at least 3V). Should the voltage fall considerably
below this value (like in the case of a used battery),
there would not be enough driving force to carry out
the desired reaction and another battery would be
required.

Once the power source is turned on, bubbles are
observed at both electrodes. Water is being reduced
to hydrogen at the cathode, whereas at the anode,
water is being oxidized to oxygen gas and simul-
taneously Co®* is being oxidized to Co>*. Some
of the organic compound is also being directly ox-
idized at this electrode. In turn, the Co®* ions thus
produced oxidize the organic compound in the so-
lution to CO,. When the CO; comes in contact with
the freshly prepared Ca(OH), solution, insoluble
CaCQO; is formed and the clear Ca(OH), solution
becomes milky. When all the organic compound has

13. Electrochemical Treatment of Liquid Wastes

been destroyed (i.e. after some 10-30 min., depend-
ing on the amount of organic added, the number of
carbons in it and the applied voltage), the solution
turns gray-light purple since the Co®* ions keep on
being formed but are no longer used up to oxidize
the waste. This is an indication of the end of the reac-
tion. The Co* can also oxidize water, although this
reaction is considerably slower. At this point, the
liquid can be squeezed out of the pipet into a small
beaker and some more surrogate organic waste can
be added to it (while still hot) to be oxidized. An
immediate change in color (to the initial pink col-
oration) s then observed. (Add for example one drop
of glycerin or ethanol. A few drops of acetic acid can
also be added, although the color change is not so
dramatic). To test for the presence of CaCOjs in the
collection tube, add to it a few drops of dil. HSO4
or dil. CH3;COOH that will dissolve the precipitate
and produce CO; again.

Atthe end of the experiment, return all portions—
both used and unused—of the Co(II) solution to the
instructor since this can be later reused (previous ox-
idation of any residual organic content by the above
procedure). In addition, a small amount of Pb may
be present in this electrolyte as a consequence of
the anodic process and thus a reuse of this solution
will be a more environmentally sound procedure.
Likewise, return the Pb electrodes for reuse.
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Name. Section
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Date.

Instructor.

Partner.

PRELABORATORY REPORT SHEET—EXPERIMENT 13

Experiment Title

Objectives

Flow sheet of procedure

Waste containment and recycling procedure

PRELABORATORY QUESTIONS AND
PROBLEMS

1. Compare the following redox mediators: Ag(Il/1),
Co(III/II) and Fe(IV/II) in terms of a) their oxidiz-
ing power (i.e., compare their standard potentials),
b) their cost per mole of electrons removed (assume
that the most common nitrate salts are used for the
initial, low oxidation state of each redox couple),
and c) the possibility of using them with chlorinated
organic wastes.

(Hint: costs can be looked up in any commercial
catalog of chemicals or in the Chemical Marketing
Reporter).

2. When should an indirect method be considered
for the electrochemical oxidation of a waste?

3. Write down the (balanced) equation that describes
the reaction between calcium hydroxide and carbon
dioxide.

Additional Related Projects

¢ Use the Ag(II/T) or Fe(1II/TI) couples instead of the
Co(lII/II) to oxidize a surrogate organic waste.
Exercise caution in the handling of Ag(l) solu-
tions, because dark spots are easily produced on
skin, tables, books, etc. In addition, a very acidic
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medium is required in the Ag process and should
be handled with great care.

e Make this Co(Ill/II) experiment quantitative by
performing it at the macroscale level and by care-
fully measuring the weight or volume of the non-
volatile organic compound added to the media-

13. Electrochemical Treatment of Liquid Wastes

tor solution. Filter, dry, and weigh the CaCO;
precipitate obtained after the run, calculate the
amount of CO, produced, and estimate the per-
cent of destruction obtained. When CO; is the fi-
nal product, this last process is called mineraliza-
tion. ’
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Name Section
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Date

Instructor.

Partner.

LABORATORY REPORT SHEET—EXPERIMENT 13

Observations

1. Color of the initial electrolytic medium

2. Temperature of the solution (initial)

3. Number of drops of surrogate organic pollutant added

4. Weight of Ca(OH); used for the preparation of
its saturated solution

5. Color of the final electrolytic medium
7. Temperature of the solution (final)

8. Time elapsed for complete reaction

POSTLABORATORY PROBLEMS
AND QUESTIONS

1. Calculate the number of moles of surrogate or-
ganic waste added to your electrolytic medium.

2. Calculate the number of moles of CO, theoreti-
cally produced (assuming 100% yield).

*3. The oxidation of isopropanol with Co** in aque-
ous solution yields CO, as follows:

C;H;0H + H,Ony + Co*t
- COz(g) + H + C02+

Balance the equation. (Hint: do this procedure based
on the changes in oxidation numbers).

4. Chlorinated organic compounds have varying de-
grees of toxicity. Some of them can be converted

* Answer in this book’s webpage at www.springer.com

°C

drops

°C

— min

into benign inorganic species as follows:
C3Hg(OH)Cl(yy + Ho Oy + Co**
- COz(g) +H + Co** +CI”

Balance the equation (see the hint in the previous
problem).

Student Comments and Suggestions
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Experiment 14

Electrochemical Treatment of

Polluted Soils

Reference Chapters: 5, 10

Objectives

After performing this experiment, the student shall
be able to:

* Understand and apply an electrochemical method
for the removal of pollutants from a soil matrix.
¢ Interpret the pH gradients observed during elec-
trokinetic phenomena.

¢ Predict the direction of the electroosmotic flow
associated with electrokinetic phenomena.

* Understand the role of the anode and the cathode
of an electrochemical cell.

Introduction

As discussed in Chapter 10, for the remediation of
a piece of land suitable anodes and cathodes can
be strategically placed in the (wetted) ground and
an electric field from a DC source applied. As pre-
sented in Chapter 6, soil particles in contact with
aqueous media are frequently negatively charged
due to adsorption phenomena and lattice imper-
fections. Then, a double layer naturally forms in-
side a charged soil pore when cations from the lig-
uid tend to neutralize this charge, and the outer
layer of the liquid typically becomes positively
charged as a resuit. The applied electric field pro-
duces a movement of this outer layer, and a drag

interaction between this layer and its bulk inside the
soil pore results. The liquid then moves along the
potential field to wells where it can be collected and
removed. This phenomenon is called electroosmotic
transport.

In addition, electrochemical reactions at the elec-
trodes produce Hyg and OH(_aq) (cathode) and

Oy and ng) (anode), due to the electrolysis
of water. These charged species (H* and OH™),
along with other ions encountered in the medium,
are attracted to the oppositely charged electrodes
and migrate, creating an acidic and a basic front,
respectively. The movement of these fronts is
aided by concentration gradients that promote
diffusion.

The combined effects of all the phenomena in-
volved (i.e., electric, chemical, and hydraulic poten-
tials) is known as electrokinetic remediation or elec-
trokinetic processing of soils. The importance and
variety of electrochemical applications in the pol-
lutant treatment and remediation areas is discussed
more in depth in Section 10.1.

Three phenomena occurring during the electroki-
netic processing of soils will be analyzed in this ex-
periment by treating simulated contaminated soil
(e.g., a clay or silica) with an electric field: a)
the migration of ionic pollutants, b) the produc-
tion and movement of acidic and basic fronts, and
¢) the movement of water under flow-direction
control.
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14. Experimental Procedure

Alligator Clips

Paper Clip

Electrode

\_ X
X\

SS Wire
Electrode

Simulated Soil

Weighing Boat

DC Source

FIGURE 1. Microscale electrokinetic processing of soils. (Adapted from Ibanez, 1998).

Experimental Procedure

Estimated time to complete the experiment: 1.5 h

Materials Reagents
3 weighing dishes silica gel
1 2-mL graduated pipet 0.1 M Na;SO4
1 glass rod isopropyl alcohol
2 stainless steel wires thymol blue indicator
2 paper clips phenolphthalein indicator
1 9-V battery, or an AC/DC 0.1 M CuSO4
converter 0.01 MK;Cr O
3 Beral pipets D.L water

pH indicator

a) Demonstration of the electroosmotic effect

Prepare a simulated soil sample by weighing ap-
proximately 1.5 g of fine silica gel (e.g., of the
type used for preparative layer chromatography)
in a small plastic weighing dish or a similar con-
tainer. Similar dishes will be used as soil contain-
ers throughout this experiment. Add drop wise (and
evenly) 2-3 mL of 0.1 M Na,SO, throughout the
entire surface of the simulated soil as a supporting
electrolyte to increase electrical conductivity. For
more dramatic effects, kaolin (hydrated aluminum
silicate) may be used; in this case, add 1 mL of the
0.1 M Na,SO, solution, Stir the resulting mixture
with a glass rod or a paper clip to form a homoge-
neous paste. Then, insert a piece of stainless steel
(SS) wire as the anode in the simulated soil on one
side of the dish (Pt or Pb also work well; a common
paper clip may be used if SS, Pt, or Pb were not
available). If Pb were used, see the precautions in

Experiment 13. Insert a common paper clip as the
cathode on the opposite side, as shown in Figure 1.
Cathodes made of iron, stainless steel and graphite
also work well.

Connect the SS electrode to the positive termi-
nal of a DC power source (e.g., a 9 V baitery) and
the paper clip to the negative terminal with alliga-
tor clips. Within a few minutes, water accumulates
at the surface around the cathode due to the elec-
troosmotic movement of water. To make the effect
more dramatic, some drops of pH indicator can be
added at this point. Because the water coming out
of the cathode is basic due to the production of OH~
during water electrolysis, an indicator such as phe-
nolphthalein yields a strongly red colored solution
here (other suitable indicators may be used as well).
At the same time, the area surrounding the anode
will appear dryer.

b) Demonstration of the production and move-
ment of acidic and basic fronts

Weigh approximately 1.5 g of fine silica gel in a
small weighing dish. Insert the same electrodes as
in the previous step in the simulated soil, as shown
in Figure 1. Add drop wise (and evenly) 2-3 mL of
0.1 M Na, SO, throughout the entire simulated soil.
In the same manner, add enough drops of a thymol
blue indicator solution (1 mg of indicator dissolved
in 1 mL isopropy! alcohol, then diluted to 10 mL
with water) so the entire surface is slightly yellow.
Connect the electrodes as described above. Within a
few minutes, a red spot should appear near the anode
and a blue color around the cathode. [It may be nec-
essary at this point to add more indicator to improve
the visibility of the colors. The color changes (end
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points) of thymol blue are pH 1.2/red; 2.8/yellow;
9.2/ blue]. If time permits, wait a few more minutes
and observe the displacement of the colored spots,
which shows the movement of the acid and basic
fronts.

¢) Demonstration of metal ion migration

The components of a mixture of positive Cu?*
and negative Crzog’ ions will be separated
by migration under an electric field. Caution:
Cr(VI) compounds are highly texic and can be
carcinogenic. This part should be performed by
the instructor as a demonstration. Weigh approx-
imately 1 g of fine silica gel in a small weighing dish.
Add drop wise (and evenly) 2 mL of a green solution
0.1 M in CuSO; and 0.01 M in K,Cr,07 through-
out the entire simulated soil. Place the electrodes
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and connect them to the DC source as mentioned
above. Within a few minutes, some bubbling will
be noted at both electrodes due to the evolution of
H, and O, (if no activity is observed, add 1 mL
of the sodium sulfate solution described above). In
addition, a yellow-orange spot will be noted at the
anode and a blue spot at the cathode, thus show-
ing the electromigration of the anion and cation,
respectively.

This demonstration can also be done using
KMnQy in place of K;Cr;O7 in order to lower the
toxicity of the sample. However, the experiment will
take more time and the results are not as spectacu-
lar. Collect the chromium-containing residues in an
appropriate container and follow local regulations
for disposal.
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Name Section Date
Instructor Partner

PRELABORATORY REPORT SHEET—EXPERIMENT 14

Objectives

Flow sheet of procedure

Waste containment and recycling procedure

PRELABORATORY QUESTIONS AND
PROBLEMS

1. Find three examples of substances that have
been treated in real situations by electrokinetic
remediation.

2. Biological methods are recommended as the first
choice in many soil remediation scenarios due in
part to their low cost. Name at least two situations
where, in general, electrochemical methods are rec-
ommended instead.

3. The production of a basic front that originates
at the cathode in a soil electrokinetic remediation
site produces, as a side effect, the precipitation of
a metal ion front, M"T that is attracted and travels
toward the cathode. In other words, the OH™ and
M"* ions meet at a certain point in the field and
an insoluble metal hydroxide, M(OH),,, precipitates

as a result. (This phenomenon is similar to the an-
alytical technique called isoelectric focusing). The
end result is that the metal becomes concentrated
(“focused”) in a narrow band, which facilitates its
removal. Assuming that the OH™ ions travel twice
as fast as the monovalent metal ion, M* draw a one-
dimensional sketch simulating the remediation site
(the two extremes are the two electrodes placed for
remediation), and mark the point where the focusing
should result.

Additional Related Projects

¢ Try insoluble household powders instead of kaolin
or silica gel and repeat this experiment (e.g., try
talc, lime, powdered chalk, flour). Note your ob-
servations and propose an explanation for each
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result observed. (Hint: are these powders reacting
with the fronts produced by the applied electric
field, or are they inert towards them?)

* During the experiment on the movement of acidic
and basic fronts, the rate of displacement of the
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red and blue spots can be measured (in cm/s) and
plotted. Because protons have a higher transport
number, one would expect their rate to be higher
(after an initial induction period). (See Ibanez-
Velasco, 2005).
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Name Section Date

14. Experimental Procedure

Instructor Partner

LABORATORY REPORT SHEET—EXPERIMENT 14

a) Demonstration of the electroosmotic effect

Cathode material

Anode material

Power source

Applied voltage \%
Observations:

Effect around the anode

Effect around the cathode

Indicator used

b) Demonstration of the production and movement of acidic and basic fronts

Cathode material

Anode material

Power source

Applied voltage \Y

Observations:

Effect around the anode

Effect around the cathode

Indicator used

¢) Demonstration of metal ion migration

Cathode material

Anode material

Power source

Applied voltage v

Colored anion used

Colored cation used

Observations:

Effect around the anode

Effect around the cathode
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POSTLABORATORY PROBLEMS
AND QUESTIONS

1. Write the two chemical equations responsible for
the observed production of an acidic and a basic
front at the anode and cathode, respectively.

2. Solution movement inside a pore composed of
charged particles can be described in the x direction
by a total material influx (g:.) equation:

gie = [—D;(8C;/0x)
+nF/RT)D;C; (QE/dx) + V,C;]

where C; = concentration of solute, D; = diffusion
coefficient of the charged particle, n = charge on the
ion, F = Faraday’s constant, R = universal gas con-
stant, E = electrical potential, V, = average secpage
velocity. The three terms in this equation represent
the following components of the flow: convection
in a soil pore (also called advection), diffusion, and
migration. Assign each term to the flow component
that it represents.

3. Why is it possible to remove non-polar compo-
nents from a polluted soil by electrokinetic remedi-
ation?

Student Comments and Suggestions
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Experiment 15

Removal of Nitric Oxide by

Complex Formation
Reference Chapters: 8, 10

Objectives

After performing this experiment, the student shall
be able to:

¢ Prepare the gaseous pollutant NO.

¢ Understand the acid-base behavior of NO and its
possible environmental impact.

¢ Produce a metal chelate.

¢ Understand and apply a complexation method for
the removal of an insoluble gas.

¢ Regenerate the chelate for further use.

Introduction

As discussed in Chapter 8 of the companion book,
the emission of nitric oxide (NO) is problematic due
to

* its contribution to ozone depletion in the iono-
sphere (i.e., NO 4+ O3 — NO, + O»)

¢ the production of smog in the troposphere

* its proclivity to attach to hemoglobin (preventing
dioxygen transport)

* its role as a precursor of acid rain

e its high reactivity (it is a radical)

NO is thermodynamically unstable at room temper-
ature and pressure. As soon as it comes in contact
with dioxygen, it is oxidized to nitrogen dioxide (a
toxic, brown acidic gas).

Many processes have been proposed and used
for NO removal from combustion gases. Dry pro-
cesses include its reduction with NH; and NoHy.
Wet processes are often aimed at the simultaneous
removal of SO; and NO. However, owing to the low
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solubility of NO in water (1.25 x 10~> M atm™!
at 50°C), chemical reactions in the gas phase
or in aqueous media are needed to solubilize it.
Practically all of the NO wet scrubbing methods
are based on its oxidation (e.g., with H,O,), reduc-
tion (e.g., with SO327), or complexation (e.g., with
aminopolycarboxylates). In the present experiment
we will focus on this last approach.

Complex formation removes gaseous pollutants
when these can be used as ligands for selected metal
ions, typically in aqueous solution. The complexes
thus formed can be chemically or electrochemically
oxidized or reduced, whereby the pollutant (acting
as a ligand) is destroyed to produce less harmful
species, and the metal ion becomes ready to reiniti-
ate the cycle.

Removal of NO by complexation can be as high as
70-80%, with typical enhancement factors of 100
500 as compared to its absorption in pure water.
Several iron thiochelates (e.g., with 2,3-dimercapto-
1-propanesulfonate) are particularly effective for its
removal. Iron aminopolycarboxylate chelates (e.g.,
Fe-EDTA) are also effective to a satisfactory degree.

An Fe-EDTA chelate will be used here due to
the wider availability and lower cost of aminopoly-
carboxylates as compared to thiochelates. In addi-
tion, EDTA is a strong complexing agent for many
metal ions, although unfortunately this same prop-
erty makes it a persistent pollutant.

The complexing ability of metal chelates can
be selective for certain oxidation states. For exam-
ple, [Fe(IDEDTA] forms with NO the correspond-
ing (mono)nitrosyl complex [Fe(I[)NO(EDTA)],
whereas the Fe(IIl) chelate cannot complex it. For
this reason, a practical NO scrubbing system must
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FIGURE 1. EDTA speciation with pH.

include the Fe(IIT) to Fe(1I) reduction step. Reducing
agents for this step include SO32~ and HSO; ions
formed by the dissolution of SO, (which frequently
accompanies NO as an emission gas). Other reduc-
ing agents suitable for this purpose are $,042~, 827,
ascorbic acid, iron metal, glyoxal, and electrochem-
ical reduction. The NO-reduction products depend
on the reduction method used and include NH,*,
NH;, N,,N>0, NH,(SO3H), and HON(SO;3),%~.

Solution pH can be of paramount importance to
have an adequate ligand speciation (see Section 2.1).
For example, EDTA can typically be present as
five different chemical species depending on the pH
of the medium: H4EDTA, H;EDTA -, H,EDTA?-,
HEDTA?~, and EDTA*" (see Figure 1). Its com-
plexes can then be anionic, cationic, or neutral,
and this can have dramatic effects on their prop-
erties and behavior. A case in point is the EDTA
complexation of Fe**, in which the anionic com-
plex with EDTA*~, [FeEDTA]", is some 20 orders
of magnitude more stable than the correspond-
ing neutral complex with HEDTA3~, [FeHEDTA].
(For ligand speciation calculations one can use the
chemical-species distribution algorithm described
in Section 2.1 and developed by Rojas, 1995).

In the experiment presented below, the
{Fe(IDEDTA] complex will be prepared and
used to demonstrate the reactive dissolution of an
insoluble polluting gas (NO) by complex formation.
The NO in the resulting complex is then reduced
and the [Fe(INEDTA] complex is regenerated.

Experimental Procedure

Estimated time to complete the experiment: 2 h

Materials Reagents

2 5-mL vials Fe(INDEDTA

2 20-mL filter flasks KNO,

2 10-mL syringes 1 MH,SO4

1 1-mL graduated pipet 1 M KOH

1 2-mL graduated pipet FeSO4 - THLO
2 10-mL beakers Na; H,EDTA
3 25-mL Erlenmeyer flasks Na2;S,04

2 plastic septa nitrogen gas

1 well plate D. I. water

1 plastic cap

1 spectrophotometer cell
1 spectrophotometer

20 cm of rubber tubing

1 magnetic stirrer
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This experiment consists of five steps: a) Prepa-
ration of NO, b) preparation of a basic trap, c)
preparation of [Fe(IDEDTA], d) removal of NO by
[Fe(IDEDTA], and e) reduction of the correspond-
ing iron nitrosyl complex to regenerate the chelate.

This sequence is conveniently performed, for ex-
ample, in two 5-mL vials and a 20-mL filter flask
(see Ibanez, 2000). The vials need to be equipped
with septa and connected to the filter flask by means
of short pieces of plastic or rubber tubing (e.g., 3—
5 mm in diameter). A well plate (with a well capac-
ity of at least 3 mL) equipped with plastic caps and
tubes for every well to convey the produced gases
from one well to the next, can also be used (at least
four wells are required).

a) Preparation of NO

NO can be conveniently prepared by the reaction
represented in equation 1:

6NaN02(S) + 3H,S04 — 4N0(g) + 2H20(1)
+ 3Nast4 + 2HNO3
(1

Place 1 mL of deionized or distilled water and about
20 mg of KNO, or NaNO; in one of the 5-mL vials
(also called the preparation vial). Cap it with a two-
hole rubber septum equipped with two pieces of
tubing inserted through it, one of which is connected
to a nitrogen gas tank, and the other to the filter flask,
as shown in Figure 2. Be ready to add approximately
0.2 mL of 1 M H,S04 with a syringe through the
rubber septum (secure a tight fit to prevent the escape
of gas), but do not add the acid until the entire set-
up is ready (i.e., after step c). Caution: NO gas
may be irritating to the eyes, throat, and nose,
and it is known to have other biological effects
including increased vasodilatation. NO, is toxic.

Open to atmosphere

Plastic syringe or to an additional trap
H,S0, )
/—\ TN /'-“: Scrubbing vessel
-1 H__ /= reanepta
NaNO, Il KOH y. L“""" 9 ©|— Stirrer

[ — )

FIGURE 2. Experimental set-up for the formation of
the Fe-EDTA nitrosyl complex using vials and flasks.
(Adapted from Ibanez, 2000).
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For these reasons, it is strongly recommended
that the experiment be performed under a fume
hood in a well-ventilated area.

b) Preparation of a basic trap

A KOH trap is prepared by placing 10 mL of 1 M
KOH in the filter flask (also called the basic trap).
Connect the exit tube from the first vial to this flask
and dip the tube in the basic solution. Connect the
exit tube from this flask to the second 5-mL vial in
the same manner so as to transport the NO into the
chelate solution that will be prepared in this vial, see
Figure 2.

¢) Preparation of the [Fe(INEDTA] chelate

Place 5 mL of distilled or deionized water in a
10-mL beaker. While stirring, add the necessary
amount of an Fe(Il) salt (for example, FeSOy -
7H,0) to form a 0.3 M Fe?* solution. Transfer
enough of this solution to a spectrophotometer cell
and take its absorption spectrum. Return the solution
into the beaker.

Then, add enough EDTA (for example, its dis-
odium salt) to form the 1:1 iron chelate and stir.
Excess EDTA can be used to ensure complete
chelate formation. Avoid low pH values because
the EDTA may form its tetraprotonated, insolu-
ble form or else the positively charged complex,
[Fe(H;EDTA)]*, as deduced from Figure 1. Both
forms are unsuitable for the present experiment.

Transfer 1-2 mL of this freshly formed chelate
solution into a spectrophotometric cell and obtain
a scan in the visible region with a UV-VIS spec-
trophotometer. Transfer another 2 mL of this chelate
solution to the second 5-mL vial (also called the
scrubbing vessel). Make sure that all the tubes and
the syringe are now connected. Nitrogen gas can
be used as the carrier gas. Initiate gentle nitrogen
bubbling so as to carry the NO from the prepara-
tion well into the basic trap and into the scrubbing
vessel.

[A simpler method consists of using a large sy-

ringe to inject air continuously to the preparation
vial for this same purpose; a certain disadvantage
in using this alternative approach is that some NO
will be oxidized to NO,, and some Fe(Il) will be
oxidized to Fe(III), but this may be offset by its
simplicity because the use of a compressed gas is
avoided].
Caution: Do not start producing NO gas until the
entire set-up is ready, the iron chelate has been
produced (see below), and the carrier gasis either
flowing or ready to be pumped into the system.
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Now, inject the acid into the preparation vial to
initiate NO formation as described in a).

d) Removal of NO by [Fe(INDEDTA], producing
[Fe(IDNO(EDTA)]

After a few minutes of bubbling the carrier
gas containing NO through the scrubbing solu-
tion, a color change will be observed (from pale
yellow to olive green) due to the formation of
[Fe(IDNO(EDTA)]. At this point, stop the produc-
tion of NO by opening the preparation well and
flushing it with running water. The smail amount of
residual nitrite can be flushed down the drain. Trans-
fer 1-2 mL of the green solution from the scrubbing
well (containing the nitrosyl complex) to a spec-
trophotometric cell, and take its visible absorption
spectrum.

) Reduction of the [Fe(IDNO(EDTA)] complex
to regenerate the [Fe(INEDTA] chelate

In order to reduce the NO in the nitrosyl complex
and regenerate the iron chelate, return the solution
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from the spectrophotometer cuvette into the scrub-
bing vessel, and add some 20 mg of dithionite pow-
der (sodium hydrosulfite, Na;S,04) to it. Stir. (Note:
if not enough dithionite were added, the mixture
becomes red with time!) After some time, a color
change back to the original pale-yellow is observed,
signaling the destruction of the NO complex and
the regeneration of the [Fe(INDEDTA] chelate. Itis a
good practice to set aside a small amount of the un-
treated chelate for color comparison. (Sodium sul-
fite can also be used for this reduction step, although
the color change will be somewhat less spectacular).
Use some of this reduced solution to obtain its vis-
ible spectrum.

The three spectra (i.e., before chelation, after
chelation, and after reduction) can be now com-
pared. An intense absorption band is observed in the
second spectrum, which is absent in the other two.
This demonstrates the formation and destruction of
the NO complex.
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Name Section

15. Removal of Nitric Oxide by Complex Formation

Date

Instructor

Partner

PRELABORATORY REPORT SHEET—EXPERIMENT 15

Objectives

Flowsheet of the procedure

Waste containment and recycling procedure

PRELABORATORY QUESTIONS AND
PROBLEMS

*1. Propose at least five oxidants for NO based on
Mn, Cl, or Cr compounds.

*2. Explain the complex-formation ability of NO by
drawing its Lewis structure.

*3. a) Write the electronic structure of NO. (You
may assume that it is the same as that of O,, with
one electron removed). Hint: Recall that in order
to get the electronic configuration of homonuclear
diatomic molecules (X;) of the first short period
of the Periodic Table, one assumes that the inner
molecular orbitals formed by the 1s orbitals from
both atoms are filled (this takes four electrons). The
next higher energy orbitals are formed by the 2s
and 2p orbitals. In dioxygen, the resulting orbital
arrangement is: (01)(03)(@3)(m )(m)(m)(T3)(07)

b) Based on your response to a), is NO diamag-
netic or paramagnetic?

¢) Would you predict the nitrogen-oxygen bond
in the NO™ ion to be stronger or weaker than that in
NO?

*Answer in this book’s webpage at www.springer.com

Additional Related Projects

¢ Produce NO and capture it by reactive absorption
involving its oxidation (e.g., with H,O3) or its
reduction (e.g., with SO327). Test for the absence
of NO in the gas exiting the selected scrubbing
solution by showing the absence of the green color
in a [Fe(II)EDTA] solution prepared as described
above (step ¢).

¢ Produce NO and capture it by absorption in an
aqueous iron (II) sulfate solution. This forms a
distinctively brownish nitroso iron (II) sulfate.

* Roussin’s black salt results from the action of
NO upon an iron (II) sulfate/potassium thiosul-
fate solution. To prepare this solution, dissolve
5 g of K;8,0; in 5 mL of distilled water. Then,
add 77 mg of FeSO, - 7H,0 and bubble NO (pre-
pared as described above) through it. After drying
the precipitate that forms, blackish-brown crystals
should be observable under a microscope. This is
a tetrahedral complex. (Generally speaking, tetra-
hedral complexes tend to have more intense ab-
sorption bands than the corresponding octahedral
ones).
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Name Section Date

Instructor Partner

LABORATORY REPORT SHEET—EXPERIMENT 15

a) Preparation of NO
Most likely, you prepared NO with A, B and C. Fill-in the blanks:

Formula of A

Formula of B

Formula of C

Amount of A used {mg or mL)
Amount of B used (mg or mL)
Amount of C used (mg or mL)
b) Purification of NO

Was NO purified by passing the gases produced and the carrier gas through a trap previous to the scrubbing
vessel? If affirmative, what was the composition of the trap?

c) Scrubbing the NO
Amount of Fe(IT) added - mg
Amount of EDTA added - mg

Condensed formula of the EDTA used
Color of the [Fe(IDEDTA} complex

Color of the [Fe(I)(NOYEDTA)] complex
d) Regeneration of the [Fe(II)EDTA]
Reducing agent used (formula)

Amount of reducing agent used - mg
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e) Analysis

If the VIS absorption spectra of the solutions of Fe(II), [Fe(INEDTA], and [Fe(IINOYEDTA)] were taken,
insert here a copy and interpret qualitatively the differences observed. If the spectrum after reduction was
taken, also insert it here and compare with the others.

f) Additional Tests

Was any additional test performed for the presence of NO? If affirmative, describe your results.
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POSTLABORATORY PROBLEMS
AND QUESTIONS

*1. Removal of insoluble NO from a flue-gas stream
can be accomplished by scrubbing with a solu-
tion containing Fe(I[)EDTA (as in the present ex-
periment). The unavoidable presence of O, pro-
duces the oxidation of Fe(II)EDTA to Fe(IIDEDTA,
which is vnreactive toward NO and thus renders
the process useless. Consequently, the reduction of
Fe(IIEDTA is a key step toward the success of the
global process. To this end, bisulfite can be used as a
reducing agent as follows (L symbolizes the EDTA
ligand):

2Fe(IIDL + 2HSO; — 2Fe(IDL + Szog— +2H*
(D

This reaction is first order in [Fe(III)L] and order
-1 (i.e., inverse order) in [Fe(II)L], as shown by the
rate equation:

d|Fe(IDL]  k[Fe(II)L]
dt " [Fe(IDL]
Reaction 1 may be assumed to be composed of the
following elementary steps, each one characterized
by its corresponding physicochemical parameters:
a) K (equilibrium constant), and b) & (rate constant)
as follows:

Fe(IINL + HSO; =FeSOf +L+H" K3,k3 (3)

2

FeSO'; = Fe(ll) 4+ *SO; Ka, kg (4)
Fe(Il) + L = Fe(IDL Ks, ks (5)
*SO; + H' = HSO; Ko, k¢
(rate determining step) (6)
HSO; + HSO; = $,0%™ + 2H* K7, k7 (7)

[Note that the HSO; ™ in equation 3 is rot the same
as the (neutral) HSO; ineqgs. 6 and 7]. See Suchecki,
2005.

With this information:

a) Combine equations 3 through 7 to obtain equa-
tion 1 (i.e., use Hess’ Law).

b) Write the mathematical expression for each equi-
librium constant corresponding to reactions 3 to
7 (i.e., K3, K4, K5, K6, and K7)

¢) Derive the rate equation (equation 2) by assuming
that the initial concentration of HSOj is so large

* Answer in this book’s website at www.springer.com
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that it essentially remains constant during the
reaction, and knowing that the rate-determining
step is reaction 6. Note that this elementary re-
action obeys the rate equation:

B d[Fe(lIDL]
dt

*2. Some gases can be removed from waste gas
streams by absorption-oxidation processes. For ex-
ample, NO can be absorbed in a basic solution of
a cobalt (Ill)—ethylenediamine complex, which acts
as a catalyst for the oxidation of NO to NO;, as
shown in the following series of reactions (see Long,
20095):

= ke[*SO3 ][H)

Co(en)s™ + NO(g) + OH™ —

Co(en),(NOYOH?" + en (1)
2Co(en)(NO)OH?* + Oyqy —
2Co(en),(NO,)OHZ* )

2Co(en),(NO)OH?+ + 40H™ —
2Co(en),(OH); + NO; +NOj + H,0p  (3)
Co(en)2(OH)f +en — Co(en)i* +20H-  (4)

The global reaction is known to have the form:
2X+2Y+Z —> P+ Q+R

Write this reaction using the true formulas of X, Y,
Z,P,Q,and R.
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Experiment 16

Photocatalytic Remediation of Pollutants

Reference Chapters: 8, 10

Objectives

After performing this experiment, the student shall
be able to:

¢ Understand the concepts of band gap, electron and
hole generation in a semiconductor.

¢ Observe the dual nature of the photocatalytic re-
actions.

» Photoreduce a metal ion in solution.

* Photooxidize a surrogate organic pollutant.

* Analyze the effect of the absence or presence of
light, oxygen, and of a semiconductor on photo-
catalysis.

Introduction

As discussed in Chapters 3 and 10, light with energy
higher than that of the band gap in a semiconductor
(e.g., TiOy) can excite an electron from its valence
band to the conduction band. This process also cre-
ates a positive hole in the valence band. The elec-
tron and hole thus produced can reduce or oxidize
different pollutants (e.g., organic compounds, inor-
ganic species, metal ions, bacteria). A summary of
the advantages, challenges, and proposed solutions
in TiO, photocatalysis is given in Chapter 10. Even
though a reduction and an oxidation always occur,
only in a few cases are both the anodic and cathodic
reactions advantageously utilized (see Colon, 2001
and Layman, 1995).

In the present experiment we describe a mi-
croscale experiment in which the simultaneous ox-
idation of an organic compound (ethanol or citric

acid) and the reduction of a metal ion (Cu*) are
photocatalytically performed in an aqueous slurry
containing TiO; irradiated with UV light. The pro-
duction of electrons (capable of reducing the metal
ions) and of holes (capable of oxidizing the or-
ganic molecule) can be used for environmental
clean-up.

Experimental Procedure

Estimated time to complete the experiment: a) Qual-
itative option: 1.5 h. b) Quantitative option: 2.5 h

Materials Reagents

1 quartz UV- pencil lamp 0.04 M CuSOq4

1 100-mm long quartz tube TiO; (preferably
2 rubber bands Degussa P25)
1 100-mL beaker D. I. water

1 1-mL graduated pipet 96% ethanol

1 2-mL graduated pipet 0.33 M citric acid
1 magnetic stirrer Ba(OH),

2 Beral pipets

1 stirring bar

6 triangular bars
6 one-hole rubber stoppers
parafilm
1 Pasteur pipet
1 spectrophotometer
1 spectrophotometer cell
1 cardboard box to cover the UV source
6 test tubes (5 cm long,
5 mm LD.)
1 black plastic bag
1 glass capillary U-tube
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To power source

= UV lamp

Optional CO, test

FIGURE 1. Experimental set-up. (Reproduced from the
Journal of Chemical Education 2005, 82, 1549-1551,
with permission).

Arrange a set-up consisting of a UV light source
(e.g., a miniature UV-quartz pencil lamp, Spectro-
line model 11SC-1, Spectronics Corp.). If a minia-
ture light source is used, it can be introduced into
a quartz test tube (e.g., Ace Glass 13 mm OD,
100 mm long quartz tube without lip). Surround
this tube with six quartz tubes containing differ-
ent suspensions as described below, cover each one
with parafilm, and secure the bundle with two rub-
ber bands. Place the bundle inside a 100-mL beaker
on top of a magnetic stirrer (see Figure 1). Add a
small stirring bar to each of the six tubes (triangu-
lar bars of the type used with conical-bottom vials
work well). Depending on your objectives, place the
different solutions inside the test tubes according to
the qualitative or quantitative procedures described
below (or do both).

In the qualitative option, the test tubes will con-
tain a Cu(Il) solution, a TiO, suspension and some
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ethanol. One component will be missing from each
test tube and the observed results interpreted accord-
ingly. In the quantitative option, citric acid will be
used instead of ethanol, and all the test tubes will
have the same contents; irradiation time will be var-
ied and the Cu(Il) removed will be analyzed as a
function of time.

Because the oxidation of the organic compound
produces CO,, you may desire to do a test for its
production. To this end, instead of using parafilm,
cap each quartz tube with a one-hole rubber stopper
connected by a glass capillary U-tube to a small test
tube (e.g., 5 cm long, 5 mm LD.) half-filled with
a saturated Ba(OH); solution as a CO, trap (see
Figure 1). Before initiating the UV illumination
make sure that all six stirring bars are mixing well
each solution. Caution: UV light is dangerous.
Avoid exposure of any part of the body (particu-
larly the eyes), by placing a thick cardboard box
or another suitable protective covering between
the UV lamp and the experimenter. For added
protection, cover the whole set-up with a black
polyethylene bag. Copper (II) sulfate is a strong
irritant to skin and mucous membranes. BaCO;
and Ba(OH), are poisonous. Overexposure to
TiO, may cause slight lung fibrosis, and it is a
potential occupational carcinogen.

Because ambient dioxygen is a good electron trap,
it should be removed from the suspensions since it
competes as an electron acceptor with Cu(Il). To
this end, bubble nitrogen gas for a couple of min-
utes from a nitrogen tank into each test tube (except
one, as described below) containing the prepared
solutions and then seal each tube with parafilm.

1) Qualitative procedure: Observation of the pho-
tocatalytic effect.

With distilled or deionized water, prepare the fol-
lowing:

a) An aqueous slurry containing 100 mg of TiO,
(e.g., Degussa P25) in 50 mL of water

b) A 0.04 M CuSOy solution

¢) 96% ethanol

As instructed in Table 1, place the following com-
ponents in the corresponding test tubes. TiO,: add
2 mL of its suspension. Cu(ll): add 2 mL of its so-
lution. Ethanol: add 0.5 mL. Then, bubble nitrogen
into the tubes, cover them with parafilm and proceed
as instructed below.
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TABLE 1. Components added to each test tube.

Tube # TiO, Cu(ll) Ethanol N, hv
! - J v J Y
2 v - v J o
3 v v - v v
4 v v ~ - v
5 v v v J -
6 J J J J o

Note: To prevent light from reaching the tube #5, wrap it with Al
foil, and subject it to the same conditions as the others.

Once all the components are in their respective
test tubes, and these are all bundled and placed on
site, cover the entire experimental set up with the
box and bag described above and turn the UV light
on. Then, wait approximately 10 min (this period of
time works well for the UV lamp described above).
After this time, turn it off, carefully observe the ap-
pearance of the resulting products in each test tube,
write down these observations, and interpret them.

Interestingly enough, the reduction of Cu(Il) to
Cu(I) yields a reversible, insoluble purple complex
with TiO, (see Foster, 1993). A very smali amount
of elemental copper is sometimes observed as a thin
layer deposit on the walls of some quartz tubes (like
a copper mirror) or even on the TiO, surface, which
is further proof of the Cu(II) reduction. In addition,
the production of a white precipitate in the small
(optional) collection tubes confirms the production
of CO; as a result of the photocatalytic oxidation of
the organic molecule.

2) Quantitative procedure: Observation of Cu(Il)
removal as a function of time.

With distilled or deionized water, prepare the fol-
lowing:

a) An aqueous slurry containing 100 mg of TiO,
(e.g., Degussa P25) in 50 mL of water

b) A 0.33 M citric acid solution

c) A 0.04 M CuSO, solution

Repeat the set-up preparation procedure exactly
as described above, but this time add 2 mL of the
TiO, suspension to all six tubes, as well as approx-
imately 0.8 mL of the citric acid solution, and 2 mL
of the CuSOy solution. Once all the components are
in their respective test tubes, the nitrogen has been
bubbled, and the tubes are covered with parafilm,
bundled, and placed on site, cover the entire ex-
perimental set up with the box and bag described
above. Turn the UV light on and allow irradiation
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for approximately 10 min. Then turn it off and re-
move with a Pasteur pipet the contents of test tube
1. Cover the set-up again and turn the UV light on
once more. For protection, move out of the irradi-
ation area, quickly filter the contents of test tube
1 through a fine filter (for example, place the con-
tents of the Pasteur pipet in a syringe equipped with
a 0.45 p.m syringe filter and push the contents out
with the plunger), and analyze for the removal of
Cu(II) with the aid of a colorimeter or spectropho-
tometer set at 810 nm. [You may want to see the
absorption spectrum of Cu(ll) in the experiment on
Metal Ion Recovery by Cementation in this book; the
Cu(II) as well as the Cu(II) + citric acid absorbance
plots have their absorption maxima essentially at
this same wavelength.] Note that a calibration plot is
not needed since only the normalized absorbances
(i.e., A;/Ap) are needed so as to observe the removal
of Cu(ll). (Here, A, is the absorbance at time t, and
Ay is the initial absorbance).

Repeat the same procedure with the remaining
five test tubes, removing one at a time after every 10
min of irradiation. To show that light is required for
this process to occur, a separate blank experiment
may be done with a sample in a tube wrapped with
Al foil, subject to the same conditions as the others,
and then analyzed after a given period of time so as
to compare it with an irradiated one.

A plot of the Cu(Il) normalized absorbance de-
crease as a function of time will reveal the extent
of removal. This is the result of a photocatalytic-
adsorption combined effect, which can be tested
separately if desired as described in the literature
(see Bumpus, 1999).

Once the qualitative and/or the quantitative exper-
iments are finished, students can bubble dioxygen
from a tank into the purple suspension {containing
Cu(I)—TiO,] and observe within a few minutes the
color change back to light-blue as a result of re-
oxidation and dissolution of the Cu(:ds) that reverts to
Cuf:g). Air can be used instead of dioxygen, but with
less spectacular results. If desired, the photocatalyst
may then be recovered by filtration with a 0.45 pm
membrane filter. This photoredox cycling can be
envisaged as an environmentally friendly metal re-
moval/concentration cycle. This is why the filtration
step described in the quantitative procedure must be
done quickly so as to avoid metal re-dissolution, and
this is an additional reason for removing air by bub-
bling nitrogen at the beginning of the experiment.
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PRELABORATORY QUESTIONS AND
PROBLEMS

*1.

*3.

The possibility of using a semiconductor to
cause a photocatalytic reaction is governed by
the location of the valence and conduction bands
(VB and CB, respectively) relative to the loca-
tion of the desired reactions. For example, if one
desires to split water into hydrogen plus oxygen,
one needs to pay attention to the correspond-
ing standard potential for the reduction of water
into hydrogen (0.0 V vs the Standard Hydro-
gen Electrode, SHE) and that for the oxidation
of water into oxygen (1.23 V). The electrons to
be produced at the semiconductor must have a
more negative standard potential than that re-
quired for the reduction of water, and the holes
must be more positive so as to oxidize water.
Assuming that the location of the bands in the se-
lected semiconductor remains unchanged upon
illumination, select the option that contains a
combination of values suitable for water split-
ting. The locations of the VB and CB in a
potential axis are given in volts, respectively.
a) (3.0,0.2)

b) (1.0,0.2)

c) (1.0, —0.8)
d) (2.0, —-0.8)
e) (1.0, -2.0)

. Is photocatalysis en electrochemical phe-

nomenon? Explain.

In a semiconductor-based photosynthetic sys-
tem, light drives a non-spontaneous reaction.
This is called a thermodynamically up-hill reac-
tion. On the other hand, if the reaction is thermo-
dynamically favored (i.e., thermodynamically
down-hill), light simply serves to overcome the
activation energy and the reaction is said to be
phetocatalytic.

There are cases where the reaction that is
complementary to the target reaction defines the
energetics of the overall process (i.e., makes it
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in the recovery of metal ions M"* from a spent
solution by irradiation of a semiconductor (e.g.,
TiO,), as in the present experiment, there are
two possible cases:

Case a:

_TO a0 + Products of A

AG® >0

Mn++A

Case b:

M"t + B w0, M° + Products of B

AG? <0

These two cases are exemplified below for M =

Cu (see Rajeshwar, 1995 and Reiche, 1979).

a) 2Cu?* + 2H,0 =219, 20y + 0, + 4H+

b) Cu?* + 2CH;CO0~ 219, ¢y?

+ C,Hg + 2CO,
Calculate AG® for each process (per mole of
Cu) and label them as photosynthetic or photo-
catalytic.
Note: Take

Elpi ey = =034V, E%, 0 = 123V, and

EOCO;/CHgCOO* =—-0.40V.

Additional Related Projects

¢ Quantify the amount of Cu(ll) recovered after

the optional re-dissolution step, by filtering the
photocatalyst as described in the experiment and
analyzing the resulting solution (for example, by
atomic absorption).

Quantify the amount of CO, produced by mass
spectrometry or by gravimetry as BaCOs;.

Select other organic molecules with different stan-
dard potentials and discuss the role of the semi-
conductor band locations.

Analyze the separate effect of adsorption by de-
signing experiments in such a way that this ef-
fect can be distinguished from the other effects
discussed in the experiment above (see Bumpus,
1999).

Try other metal ions for recovery as a function of
their standard potential.

photosynthetic or photocatalytic). For example,

*Answer in this book’s website at www.springer.com
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¢ Use light of different wavelengths to observe any ¢ Demonstrate a reduction reaction by the photo-

possible effects on the process. catalytic reduction of carcinogenic yellow Cr(VI)
e Test other semiconductors with different band to the much less dangerous green Cr(IlI) at UV-
gaps. illuminated TiO; (see Lin, 1993 and Praire, 1993).

e Produce hydrogen photocatalytically from a Use citric acid for the counter (i.e., complemen-
sulfide/sulfite solution irradiated by sunlight (see tary) reaction at low pH (e.g., pH 2, 0.7 M citric
Koca, 2002). acid, 0.1 weight % of TiO,, 50 mg/L Cr(VI)).
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Instructor. Partner.
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a) Qualitative procedure

Write down and interpret your observations for each test tube.

Tube # Physical observations Interpretation

Al bl W ] -

b) Qualitative procedure

Absorbance before irradiation, Ay:

Table of results:
Absorbance (after
Tube # irradiation and filtration), Ay A¢/Ap
1
2
3
4
5
6

Plot these experimental A;/A data points. Establish the removal rate equation and
interpret it.
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POSTLABORATORY PROBLEMS
AND QUESTIONS

*1. Upon UV illumination and in the absence of
air, a photocatalytic phenomenon occurs in a
suspension containing TiO, + dissolved cop-
per (II) acetate, (CuC4HgO,4) which simultane-
ously yields the following products (see Reiche,
1979):

a) A metallic deposit (A)

b) A gas (B) that produces a white precipitate
upon bubbling in a saturated lime solution
(Ca0)

¢) A gas (C), which upon elemental analysis is
shown to be a saturated hydrocarbon. When
subject to partial oxidation, this gas generates
an acid that contains the same anion present
in the initial suspension.

With this information, write:

1) The formulas for A, B, and C
i1) The main (balanced) reaction that occurs at:

I. The semiconductor site acting cathodi-
cally:

AT fxe =A

II. The semiconductor site acting anodi-
cally:

xAcT = xB+C+ xe”

(Note: Ac™ is the acetate anion)
III. The global reaction

A" +xAcc=A+xB+C

*2. Cyanide ions (CN™) are very toxic. They can
be photocatalytically transformed at the surface
of TiO, semiconducting particles into the much
less problematic isocyanate ions (OCN™). This
oxidation reaction in a basic medium requires
two holes (k™) for every cyanide ion to produce
one isocyanate ion. On the other hand, the com-
plementary reaction (reduction) that occurs in a
different region of the semiconducting particle
requires a given number of electrons to reduce
the dioxygen present in the solution, thus pro-
ducing one molecule of hydrogen peroxide.

16. Photocatalytic Remediation of Pollutants
With this information,

a) Write the balanced oxidation and reduction
reactions, and the global reaction (without
electrons or holes in it).

b) Would you expect a pH change during the
global process? Explain.

Notes:

i. IO, + UV=TiOy + h* + ¢

ii. The recombination of an electron and a
hole brings about their “neutralization” in
the sense that this process does not yield
any substance but only energy.

iii. A hole can be understood as a “virtual
species” in such a way that A + At =
At.Onthe other hand, A + ¢~ = A~

3. Calcuiate the theoretical number of moles of
CO, produced from the oxidation of the or-
ganic species used in the experiment (assuming
a 100% yield).

* Answer in this book’s webpage at www.springer.com
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Experiment 17

Chemical Mineralization of Pollutants
Through the Fenton Reaction

Reference Chapter: 10

Objectives

After performing this experiment, the student shall
be able to:

Understand the concept of Advanced Oxidation

Processes.

¢ Produce Fenton’s reagent.

* Mineralize an organic sample.

¢ Observe or monitor the decomposition of a surro-
gate organic pollutant.

¢ Compare the effects of different variables on the

mineralization of an organic substance (i.e., the

presence of UV light, and the nature of the tran-

sition metal ion used).

Introduction

As discussed in Chapter 10, pollutant remediation
methods are quite varied. Each one has its own mer-
its and challenges. For example, one of the most pop-
ular remediation methods, incineration, consists of
the elevation of temperature of organic waste in air
until combustion occurs. Unfortunately, this is not
feasible for many on-site applications, can produce
harmful gaseous side-products, requires the gener-
ation and handling of high temperatures, and gives
rise to non-favorable public reception. As another
example, chlorination (bleaching) is used for the dis-
coloration of unwanted colored materials but it may
also produce toxic by-products that require further
treatment.

These problems can be overcome in many cases
through the use of hydrogen peroxide, which is ca-
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pable of self-decomposing to produce a powerful
oxidizer intermediate: the hydroxyl radical, *OH
(see: Advanced Oxidation Processes, AOP in Sec-
tion 10.1).

As discussed in Section 10.1 of the companion
book, hydrogen peroxide is paradoxically used both
as an oxidizing and as a reducing agent, depending
on the redox potential of the pollutant to be treated.
H,0; can also yield *OH radicals in the presence of
UV light, although it weakly absorbs solar radiation
and thus radical formation by this process is slow.
The reaction between Fe?* and H,0, (Fenton’s re-
action) is given by

Fe’t + H,0, =Fe3* + OH™ +°OH (1)

Another photoassisted process involves the genera-
tion of H,O; in aqueous solutions at the surface of an
illuminated semiconductor (e.g., ZnO), which can in
turn form Fenton’s reagent with artificially added
Fe?*. Interestingly, H,O, can also be generated
naturally by active species (mainly radicals) result-
ing from the photosensitization of humic acids.
The following experiments demonstrate how a
surrogate pollutant or hazardous waste (e.g., the or-
ganic dye rhodamine B) can be mineralized (i.e.,
converted into innocuous species like CO, and H,O)
upon oxidation in the presence of HyO, under dif-
ferent conditions. We selected this dye due to its
resistance to degradation by UV light. The mixture
of Fe** + H,0, (Fenton’s reagent) is highly oxidiz-
ing, and so is H;O; when used in conjunction with
UV light. In summary, students will be able to com-
pare (either by naked eye observations or by instru-
mental measurements) the effect of the following
substances or conditions: Fe?* alone, H,0, alone,
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H,0, + Mn?*, H,0, + Fe?* (Fenton’s reagent),
sunlight, and H,O, + sunlight (see Ibanez, 2003).
Mn?* was selected for one of the experiments due
to its ability to decompose H,O,.

Experimental Procedure
Estimated time to complete the experiment: 2 h

(either the instrumental or the non-instrumental
options).

Materials Reagents
1 1-mL graduated pipet Ba(OH),
1 2-mL graduated pipet Ca(OH),
6 3-mL screw-capped conical bottom 0.02 M H,SO4
vials with rubber septa 0.003% rhodamine-B
2 2-mL microburets D. L. water
2 Beral pipets FeSO4-7H,0
7 glass capillary tubes 30% H,0;
1 test tube (5 mm LD, 5 cm tall) MnCl; - 4H,0
1 UV-lamp

With the seven glass capillary tubes make U-
shaped capillaries with the aid of a flame from a
match or a cigarette lighter (alternatively, plastic
capillary tubing may be used). Puncture a tiny hole
in the middle of each septum of the conical bottom
vials as to allow a capillary tube to go tightly through
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it. Caution: Glass capillary tubes are very easy to
break. Do not apply any pressure to them. Pro-
tect your hands with thick gloves or cloth while
doing these insertions and wear eye protection.
Each vial is now connected through one of these
U-capillaries to a small test tube (e.g., Smm I.D., 5
cm tall) containing a scrubbing solution of Ba(OH),
(see below) as shown in Figure 1. Ba(OH), may be
replaced by CaO or Ca(OH);, if desired, although
the results are less indisputable.

Label each vial as A, B, C, D, E, F, and G. Ob-
tain 10 mL of a 0.02 M H,;SO4 solution. Place 1 mL
of this solution and 1 mL of distilled or deionized
water in each vial. (Note: In vial D add only 2 mL
of water, no acid). Add 10 drops of a dilute (for ex-
ample, 0.003%) rhodamine-B solution (i.e., 4-[[(4-
Dimethylamino)phenyl]-azo]benzenesulfonic acid
sodium salt) with a Pasteur pipet to each vial.
Caution: Rhodamine B may be one or more of
the following: highly acutely toxic, cholinesterase
inhibitor, known/probable carcinogen, known
groundwater pollutant or known reproductive or
developmental toxicant. Handle with care. The
residues containing rhodamine B must be given
to the instructor for appropriate handling.

For qualitative observations, the test tubes that
will be used to collect any CO, produced during
the reactions are now halfway filled with a satu-
rated Ba(OH), solution (this yields insoluble white

Capillary tube

s

Rubber septum

P 4
X+Y Silauiilt InMA
E— Screw cap 4| | Ba(OH), (sat.)
o |
Ule——
‘ K
ol
o
\_/

FIGURE 1. Experimental set-up. X + Y represent the reagents specified in each step in the text. (Adapted from Ibanez,

2003).
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BaCO;). Caution: Many barium salts are toxic
and must not be ingested nor their dust inhaled.
Connect these tubes to the vials by using the cap-
illary tubes as shown in Figure 1. Close the test
tubes loosely with parafilm and use immediately as
directed below to prevent any significant absorp-
tion of atmospheric CO,. A compromise must be
achieved here, because closing the test tubes too
tightly will not allow the gases from the reaction
vial to bubble into the scrubbing tubes (with the con-
comitant pressure build-up and the possibility of the
septum blowing-out), whereas closing the test tubes
too loosely may allow atmospheric CO; to enter the
solution and produce misleading results. Then, test
for the following effects. Note that vial A (blank)
only contains sulfuric acid and rhodamine solutions.

1. The effect of Fe’* alone—Vial B
Add 15-20 mg of FeSO,4+7H,0 to vial B. Close
the vial immediately. Observe, record and inter-
pret any changes in the system after 30 min.
Caution: do not handle the toxic and possi-
bly mutagenic Fe>* with your bare hands.
Use appropriate gloves. Do not breathe Fe*+—
containing dust.

2. The effect of HyO, alone—Vial C
Prepare 6-12% H,0, by dilution from a commer-
cial concentrated solution (30%). Add 10 drops
to vial C. Close the vial immediately. Observe,
record and interpret any changes in the system
after 30 min. Caution: do not handle H,O, with
your bare hands, because it is an oxidizer that
may attack your skin. Use appropriate gloves.

3. The effect of the addition of H,0, and transition
metal ions—Vials D and E
a. The effect of Mn?*,
Some transition metal ions (e.g., Mn?*) are
known to catalyze the decomposition of H;O,.
Add 10 drops of 6-12% H,0, and 60 mg of
MnCl,-4H,0 to vial D. Sulfuric acid solution
was not added to this vial because under such
acidic conditions the decomposition of H,O; by
Mn?* is not easily observable. Immediately cap
the vial and connect the capillary tube (inserted
through the septum) to the scrubbing vial. Ob-
serve, record and interpret any changes in the
system after 30 min.
b. Production of Fenton’s reagent.
Repeat the above procedure by adding 10 drops
of 6-12% H,0; and 15-20 mg of FeSO4 - 7TH,0
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to vial E (instead of the Mn salt used above). Im-
mediately cap the vial and connect the U-shaped
capillary tube (inserted through the septum) to
the scrubbing vial. Observe, record and interpret
any changes in the system after 30 min. Cau-
tion: *OH radicals are such powerful oxidiz-
ers that various scientists are hypothesizing
their possible linkage to some forms of cancer.
For this reason, it is advised that students do
not breathe nor allow contact with the reac-
tion mixtures/products of steps 3b and 5, and
in general, of Fenton’s reaction (that is why we
strongly recommend to perform these experi-
ments in a closed system). Owing to the short
lifetimes of these radicals (in the sub-second
range), and to the formation of scavengers of
*OH radicals in the scrubbing solution (e.g.,
carbonate ions), most likely there is no dan-
ger associated with such radicals after a few
seconds.

4. The effect of sunlight—Vial F
Add 10 drops of water to vial F to have the
same total liquid volume as in the other vials,
and expose it to sunlight for 30 min (connected
to its scrubbing vial). Observe, record, and inter-
pret any changes in the system after 30 min. Even
though Pyrex glass absorbs a large amount of the
UV rays contained in the sunlight that reaches the
Earth, a small amount of UV light goes through
it.

5. The effect of H, O, + sunlight—Vial G
Repeat the procedure in step 4, but this time
adding 10 drops of 6-12% H,0; to reaction vial
G before exposing the sample to the sunlight
for 30 min. Observe, record, and interpret any
changes in the system. Note: A UV lamp may
also be used for this experiment and for the previ-
ous one. Changes are faster and clearer than with
direct sunlight exposure, although the hazard of
using UV light should be considered. In this case,
cover the experimental set up with a cardboard
box and a black polyethylene bag. Caution: UV
rays are highly energetic and may cause can-
cer. Avoid exposure of any parts of your body
to UV radiation.

A more quantitative experiment can be per-
formed by taking the absorption spectrum of the
initial, unattacked sample and comparing it to those
obtained after each of the above procedures.
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FIGURE 2. Absorption spectrum of the blank sample (rhodamine B). (Reproduced from The Chemical Educator 2003,
8, 47-50).

Note: Filtration of the product mixture with a very
fine filter medium (e.g., 0.45 pm) is required before
taking the absorption spectra if there were a precip-

itate in a vial. Note that the maximum absorption

wavelength of rhodamine B is 558 nm, as shown in
Figure 2.
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PRELABORATORY QUESTIONS AND
PROBLEMS

*1.

*2.

Since the oxidation state of oxygen in H,0, is

—1, oxidizers produce O, from it, whereas re-

ducers typically produce H,O or OH™. Using a

clever approach based on oxygen isotope label-

ing, it has been shown that all the O; produced
during oxidation of aqueous H,O, comes from
the peroxide bond and not from water. Thus, the

0-0 bond is not cleaved by oxidation.

On the contrary, reduction of H,O, by Fe?*
(as in Fenton’s reaction) adds an extra electron
that produces the H,O; radical, which then de-
composes into OH~ +°*OH (see Baird, 1997).
This mechanism implies cleavage of the O-O
bond, promoted by the extra electron that enters
a ¢ antibonding orbital.

a) Assuming that the bond order in the O-O
(i.e., peroxide) bond = 1, what is the bond
order of the O-O bond in H;O,7°*? (Recall
from General Chemistry that the bond order,
BOiscalculated by subtracting the number of
electrons that are located in an antibonding
orbital in a bond from those in a bonding
orbital; the result is then divided by two).

b) Did you obtain the same bond order for both
species? What does your finding imply?

When a small (catalytic) amount of Fe’* ions
is introduced into an electrochemical cell, it can
be reduced to Fe?* at the cathode (reaction 1).
Simultaneously, H,O is oxidized to O, at the
anode (reaction 2). This O, then diffuses to the
cathode, where it gets reduced to produce H,O,
(reaction 3). When Fe?* and H,0, diffuse away
from the electrodes and meet in the solution,
Fenton’s reaction occurs and *OH radicals are
produced (reaction 4). This process is called
electro-Fenton (see Oturan, 2001).
a) Write and balance each one of the four reac-
tions described above.
b) Using Hess law, combine these four reactions
s0 as to yield a net reaction (reaction 5) of the
form:

electrical energy

'hA) + Ba) 2Cqq)

where A is an oxidizing gas, B is a highly

*Answer in this book’s webpage at www.springer.com
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stable polar liquid, and C is an extremely
powerful and unstable oxidizer.

¢) Why is Fe** not present in the net reaction
(reaction 5)? Explain.

d) What percentage of the O, consumed by the
system is produced by the anodic reaction
(reaction 2)?

3. Fenton reaction can occur in natural waters due

to the presence of Fe?* [formed by the photoly-
sis of Fe(III)L complexes], and the presence of
H,0; (formed by the photolysis of humic acids
and other substances). Write appropriate equa-
tions to depict this phenomenon.

Additional Related Projects

Find in the literature other UV-resistant dyes and
test them instead of rhodamine B.

Quantify the amount of CO, produced, by mass
spectrometry or gravimetry for example.

Use UV light of different wavelengths to observe
any possible effects on the overall process de-
scribed in the present experiment.

Oxidize a small amount {e.g., a few drops) of an
aromatic species with Fenton’s reagent and do a
qualitative test for the presence of the correspond-
ing phenolic derivative (Caution: many aromat-
ics are highly texic). (See Greenberg, 1998).
Use an Fe(III)L complex (e.g., Fe(IINEDTA, see
Experiment 8) to produce Fe(If) by photoreduc-
tion. Add H,O; and use the mixture in the same
fashion as the normal Fenton’s reagent, as de-
scribed in the procedure above.

Perform Fenton’s reaction on a halogenated aro-
matic hydrocarbon (e.g., C;Cly) and test for the
presence of Cl~ and CO, in the products. (See
Leung, 1992).

Repeat the original experiment done by Fenton
by adding a drop of an Fe** solution and a drop
of a H,O, solution to a basic solution of tartaric
acid (see Fenton, 1894). He reported observing an
intense violet color. Could this color be due to the
presence of ferrate ions? How can this be tested?
Search the literature as needed to see if such a
hypothesis is plausible, and if possible, find an
analytical tool to test for it. (See Ibanez, 2004).
Try recently proposed alternative systems that cir-
cumvent some of the inherent limitations in the
Fenton system (e.g., the requirement of a low
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working pH, the narrow pH range for solubility ple, try a Cu(Il)/H;O,/organic acid system, or a
of the iron species, and the easiness of oxida- Co/H,0,/ascorbic acid system. (See Verma, 2003
tion of Fe?* by ambient dioxygen). For exam- and 2004).
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Name Section Date

Instructor. Partner

LABORATORY REPORT SHEET—EXPERIMENT 17

1. Fill-out the following table with your results in the qualitative experiments. Interpret your observations.
See for example the results from Vial D.

Qualitative results
Effect BaCO3
Major discoloration, Bubbling, precipitate,

Reaction vial yes or no yes or no yes or no
A/ Blank
B/ Fe?* alone
C/ HyO; alone
D/ H;0; + Mn?* NO YES NO
E/H,0; + Fe?t
F/ UV alone
G/ H,0; + UV

Interpret each one of your results:

Vial A:

Vial B:

Vial C:

Vial D:

Vial E:

Vial F:

Vial G:
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2. Insert your absorbance vs wavelength spectra for maximum-absorbance wavelength (fill-in the fol-
all the samples. Estimate the percentage of the ab- lowing table). Interpret your observations.
sorbance reduction observed in each sample at the
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POSTLABORATORY PROBLEMS
AND QUESTIONS

*1. The H,O, necessary for Fenton’s reaction can be
produced by the photocatalytic generation of holes
(h*, see Section 10.1) that react with water in cir-
cumneutral media (reaction a, see below). In alka-
line media, however, holes react with OH™ to pro-
duce *OH (reaction b). (See Sanchez, 1996).

a) Write the balanced reaction a in the form:
A+B=C+D

b) Write the balanced reaction b in the form:
X+Y=Z

*2. During the degradation of percholoroethylene,
C,Cly (hereby labeled as A) by Fenton’s reagent,
the rate limiting step is the elementary reaction:

A +°OH 4, oxidation products

A plot of In [A] vs ¢ gave a straight line of slope —k;
(see Leung, 1992). With this information:

a) Show that the concentration of *OH radicals re-
mains essentially constant throughout the exper-
iment.

b) Write the rate expression as a pseudo-first order
expression.

*3. The *OH radicals produced during advanced ox-
idation processes, AOP (see Chapter 10) can ei-
ther react with a target pollutant (e.g., A) or—
undesirably—with scavengers (e.g., B) as follows:

C 1
A (target) + *OH

P @
B (scavenger) + *OH — D 3)

where C, P and D are different products. The yield
of the first reaction for the production of C after a
time ¢ of continuous *OH production is:

nc

Ne: = 4
neQH/A

where n¢ is the number of moles of C produced
by reaction 1, and n.on,a is the number of moles
of *OH that reacted with A during ¢. In the same
fashion, the fraction of the total amount of *OH that
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reacted with A during this time is

NeOH/A

&)

foowa = ———
R+OH/(A+B)
where n.om/(a+B) is the total number of moles *OH
produced (assuming that all of them reacted with
either A or B). (See Derbalah, 2004).

With this information, and assuming i) that the
analytical quantification of A, B, and C is possible,
ii) that the initial number of moles of A (i.e., n4 )
and B (i.e., npp) are known, and iii) that A and B
react only with *OH,

a) Write mc, as a function of n¢ and n,, (where
na, and ng, represent the number of moles of
A or B, respectively, present at a time 7).

b) Write foou,a as a function of na, and ng ;.

¢) Write an equation to show that the total number
of *OH produced (i.e., n.on/(a+B)) can be calcu-
lated from feom/a, nc and nc ;.

4. Calculate the theoretical number of moles of
CO, produced during your experiment (assuming a
100% oxidation yield).

* Answer in this book’s webpage at www.springer.com

Student Comments and Suggestions
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Experiment 18

Production and Analysis of Chloramines

Reference Chapter: 10

Objectives

After performing this experiment, the student shall
be able to:

¢ Produce the three chloramines.

¢ Understand the distribution of chloramine species
a function of pH.

¢ Analyze the chloramines spectrophotometrically.

Introduction

A thorough discussion of chloramines, their uses,
advantages, and problems, is presented in Section
10.1 of the companion book. Hypochlorous acid
can react stepwise with ammonia so as to produce
the three chloramines (i.e., mono-, di- and trichlo-
ramine):

NH3(g) + HCIO — NH,Cl 4+ H,O, ¢))
NH,Cl + HCIO — NHCl, + H,Oyy  (2)
NHCI, + HCIO — NCl; + HzO([) 3)

The predominance diagram as a function of pH
for the three chloramines is given in Figure 1,
and their species distribution diagram is given in
Figure 2.

Chloramine Analysis

Chloramines can be analyzed by titrimetry, colori-
metry (with N,N-diethyl-p-phenylenediamine,
DPD), voltammetry, UV spectrophotometry, am-

perometry, mass spectrometry, HPLC, and other
methods.

In the present experiment students will produce
the three chloramines and characterize them qual-
itatively by UV spectroscopy, taking advantage of
the simplicity of this analytical method.

Experimental Procedure

Estimated time to complete the experiment: 1.5 h.

Materials Reagents

3 10-mL volumetric flasks NH4Ci

1 1-mL graduated pipet 10 M NaOH

2 Beral pipets 3MHC

3 spectrophotometer cuvettes 6% NaOCl

3 5-mlL screw-capped conical bottom vials 0.01 M H,S04

with rubber septa
3 glass capillary tubes
1 10-mL syringe
1 spectrophotometer
1 pH meter

Caution: All the reactions for the production of
chloramines must be done under a fume hood
(see the hazards listed below). Note: A “portable”
fume hood, made by packing a 20-mL syringe with
activated charcoal, could be appropriate for this
microscale production (i.e., the Obendrauf trap,
see Corral, 2005, although its efficiency with chlo-
ramines remains to be analyzed).

In a 10-mL volumetric flask prepare an approxi-
mately 0.1 M NH4CI solution and adjust the pH to
10-11 with a 10 M NaOH solution. This can be done,
for example, by dissolving 53.5 mg of NH4ClI in
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- NHCI,
NCI, NHCI, + NH,CI
Bl NH,CI

pH

FIGURE 1. Approximate chloramine distribution with pH
(for a chlorine (1+) to nitrogen (3—) ratio, R < ). If
R > 1 the predominance zones are displaced towards
higher pH values; for example, NCl; under such condi-
tions can in principle be stable even at pH = 8. (Data taken
from Colin, 1987).

5 mL of water, adding the NaOH solution as needed
and using the necessary amount of water to reach
the 10-mL mark. With a pipet or a syringe, trans-
fer 3-mL aliquots of this solution into three spec-
trophotometer cuvettes. Add to the first cuvette
five drops of deionized (D.1.) water; add to second
cuvette three drops of DI water and two drops of
3 M HCI, and add to the third cuvette five drops of
3 M HCL Stir. Measure the pH of each one (these
should be in the approximate ranges 10-11, 6-7,
and 2-3, respectively).

Prepare chlorine gas in a 5-ml. screw-capped vial,
equipped with a septum and a U-glass capillary ex-
iting through the septum so as to convey gases from

[NHslyor = 0.40 mM [COTror = 0.50 mM

1or cio”
| Heio

08
NHChL

061

Fraction

047

021

0.0

¢ 2 4 6 8 10 12 14
pH

FIGURE 2. Species distribution diagram for the chlo-

ramines as a function of pH (at the arbitrary conditions:

[NH;}iot = 0.40 mM and [C10™ Jio¢ = 0.50 mM). (Repro-

duced from The Chemical Educator, see Ibanez, 2006,

with permission).
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the vial into the spectrophotometric cuvette. See
Figure 3. Chlorine gas preparation can be done for
example by adding 1 mL of 3 M HCI to the vial,
followed by injection with a 10-mL syringe of one
mL of commercial hypochlorite solution (typically
6%) plus 9 mL of air (see Mattson, 2003). Air is
used here as the carrier so as to direct the chlorine
gas that forms in the vial into the first spectropho-
tometric cuvette containing NH4Cl solution. Allow
this process of pushing the chlorine gas into the re-
action mixture to last for 3 min. Measure the pH
of the resulting solution and immediately take the
corresponding absorbance spectrum in the region
200400 nm. Repeat this procedure with the other
two spectrophotometer cuvettes.

The solutions remaining in the vials and in the
spectrophotometer cuvettes can be neutralized un-
der a fume hood with HCI or NaOH as needed, and
discarded according to local regulations.

Hazards (see Delalu, 2001; Tanen, 1999; Pepi,
2003):

e The reaction of monochloramine with excess
NHj in alkaline media produces hydrazine, a
known carcinogen. [Fortunately, at the working
pH (about 10) the amount of NHj3 in excess of
NH; is small and it may react with chlorine gas
to produce the chloramine].

N Clo+ air

el It

3M HCl | | | NH,CI

-

.

FIGURE 3. Experimental set-up. (Adapted from Ibanez,
2006).
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¢ Accidental mixing of household cleaners contain- * Concentrated NaOH is corrosive to hu-

ing hypochlorite and ammonia may result in se- man tissue (eye protection is especially
vere lung injury. important).

* NCl; is the most unstable chloramine in the pure ¢ Avoid mixing hypochlorite with any acid since
form and it is highly explosive, a strong irritant, this may result in the production of hazardous

and a lacrimator. gaseous chlorine.
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Name Section Date

Instructor. Partner.

PRELABORATORY REPORT SHEET—EXPERIMENT 18

Objectives

Flow sheet of procedure

Waste containment procedure and recycling procedure
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PRELABORATORY QUESTIONS AND
PROBLEMS

*1. Electrochemical studies of the three chloramines
show that the mono- is reduced first in an elec-
trochemical cell (i.e., requires the least negative or
more positive potential), then the di- and lastly, the
trichloramine. The generalized reaction is:

NH3.,,Cl, + xH" +ye~ =zCl™ + NHj

Fill the following table with the stoichiometric co-
efficients (i.e., n, x, y, z) involved in the three reac-
tions, corresponding to the reduction of one mole of
each one of the chloramines.

Chloramine n x y Z

Monochloramine

Dichloramine

Trichloramine

*2. If one mole of chloramine underwent compro-
portionation (i.e., the contrary of disproportiona-
tion, see Example 2.11 in the companion book) with
1 mole of ammonia in a basic medium to yield
1 mole of hydrazine, NoH, as the sole nitrogen-
containing product plus one mole of hydrochloric
acid, which one of the three chloramines was the
starting material?

*3. Oxidation of ammonia by chlorine may produce
various compounds such as: NO, N,O4, NoHy, Ny,
N,0, NO;, NO;3, and NH,OH.

a) Arrange such compounds according to the ox-
idation state of the nitrogen contained in each
one.

b) Fill-in the following table with the requested
formulas and the stoichiometric coefficients
that correspond to the theoretical oxidation
with elemental chlorine of each nitrogenated
species (symbolized as X), as in the generalized
equation:

aNH; + bCly + cH;0 = X + yCl~ + zH*

(The case of N»O is given as an example).

* Answer in this book’s webpage at www.springer.com
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Oxidation
state of
NinX

Moles of Cly
reduced/mol of
ammonia nitrogen

Formula
of X |alblc|ylz

-2

-1

0

+1 NO (2 (4]118]8 42=2

+2

+3

+4

+5

Additional Related Projects

* Alternative dichloramine preparations. (Note:
The resulting solutions can be analyzed by UV
spectrometry as described in the experiment
above).

1. React hypochlorite with ammonia (in 10%
excess) in a dilute basic medium at 0°C to pre-
pare the monochloramine. Then, add slowly
dilute perchloric acid to the resulting solution
(to a pH of 3.5-4) to prepare the dichloramine.
An excess of acid will produce the trichlora-
mine.

2. Prepare the monochloramine and then make
the resulting solution trickle down a cation-
exchange resin bed. As it turns out, there exists
aquite acidic medium in the interior of the resin
grains and, as a result, the NH,Cl undergoes
dismutation to yield NHCI, + NH .

¢ Trichloramine concentration. Produce the trichlo-
ramine as described in the present experiment and
then extract it with an organic solvent (for exam-
ple, try baby oil) so as to obtain a more concen-
trated solution. Run a UV-VIS scan as above and
compare it to that obtained with the non-extracted
solution prepared earlier (see Pepi, 2003).

¢ Once the absorbance spectra are taken for each
chloramine solution in the present experiment,
change the pH of each solution and predict and
verify the new major absorbance peaks.
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Date

Instructor.

Partner.

LABORATORY REPORT SHEET—EXPERIMENT 18

Insert the absorbance spectra obtained for the three solutions. What are the wavelengths at the highest
peaks obtained with the solutions from each spectrophotometric cuvette?

Peak of solution 1 nm. pH =
Peak of solution 2 nm. pH =
Peak of solution 3 nm. pH =

POSTLABORATORY PROBLEMS
AND QUESTIONS

*1. The formation of monochloramine by the fol-
lowing reaction in the aqueous phase:

HClO(aq) + NH3(aq) = NH2C1(aq) + H20(1)

is an elementary reaction with a rate constant, k; =
5.1 x 10° L mol™! s7! (see Vernon, 1980). Be-
cause the distribution of species in the HCIO/CIO™
(pK, = 7.5) and NH} /NH; (pK, = 9.3) systems
is pH dependent, the overall rate must be pH de-
pendent as well. If the total concentration of free
chlorine (I) species (see Section 10.1.1.1) is given
by:

Cr,aq = [HCIO] + [CI07]

then one can use the definition of f (i.e., the fraction
of species in a given form) given in Section 2.1 of the
companion book and obtain the fraction of HCIO,

fucio as:

Sucio = [HCIO]/Cr iy
= [HCIO]/{[HCIO] + [CIO" ]}

* Answer in this book’s webpage at www.springer.com

In the same fashion, the total concentration of am-
monia species, Ct nux 1S

Cramx = [NHJ ] + [NH;]
and the corresponding ammonia fraction, fyps3 is

Suns = [NH3]/Cr Nux
= [NH;]/{INH; ] + [NH;]}

You may assume that Cr cyq) and Crnpx are large
enough as to remain constant in the first moments
of the reaction, and that kinetic data are taken there.

With such data (and without performing any
mathematical calculations), answer the following
questions (a—d).

a) What is the reaction order? Write the rate equa-
tion of monochloramine formation as a function
of k2, Ct,ciny» Ct,NHxs frcio, and fuz

b) Sketch the species distribution diagram (defined
in Section 2.1) in the HCIO/CIO™ system

¢) Sketch the species distribution diagram in the
NHj /NH; system

d) On the basis of your responses to a, b, and
¢, select the graph that best describes the pH-
dependent behavior of the rate of this reaction
(see the graph options below).
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Rate Rate
pH
v v
Rate Rate
pH

*2. Repeat steps b and ¢ from the previous problem,
but this time perform the numerical calculations and
plot each f vs pH diagram.

*3. With the data from problems 1 and 2, calculate
and plot the rate values as a function of pH in the pH
range of 0—14. For simplicity, assume that Cr ¢y =
Cramx=1x 1074 M. Compare the shape of this
plot to your selection in question /d.

4. Calculate the theoretical concentration of chlo-
ramine produced in each of your vials, assuming a
100% yield and that the limiting reagent is NH; .

Student, Comments and Suggestions
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Production and Analysis of Chlorine

Dioxide

Reference chapter: 10

Objectives

After performing this experiment, the student shall
be able to:

* Produce a relatively uncommon, environmentally
friendly, oxidizing and disinfecting gas.

* Visualize an application of Frost diagrams.

¢ Perform a disproportionation reaction.

» Produce the same substance by different paths
(i.e., oxidation, reduction and disproportiona-
tion).

Introduction

Asdiscussedin Section 10.1 of the companion book,
chlorine gas is a potent and relatively cheap oxi-
dizer and disinfectant. Unfortunately, its reaction
products (disinfection by-products, or DBP) can
be quite dangerous. A chlorine-based alternative to
chlorine itself is chlorine dioxide, C10, (also called
chlorine peroxide) that can act as an extremely
effective biocide, disinfectant, and oxidizer. It is ac-
tive against some chlorine-resistant pathogens. Ad-
ditional advantages include that its oxidizing and
disinfecting properties remain essentially constant
over a wide pH range (from 4 to 10), and that its
DBPs are substantially fewer than those produced by
chlorine. A summary of its applications, economic
perspectives, molecular geometry and properties is
given in Section 10.1.

Chlorine dioxide can be produced in many dif-
ferent ways, mainly through the reduction of CI(V)
or the oxidation of CI(III). The following equations

in aqueous solution are only indicative of the main
reactions:

a) Chemical reduction of CI(V)
CIO; + 1A HO0p1y + H —

ClOyg) + 12 02 + H20q (1)
CIO; + 2 CH;0H(;) + HY —

ClOy(g) + other products 2)
ClO; + 1A HS804 + 145 S0yg —

ClOy) + HSO, 3
1,CIO; +14ClO; + H' 3

ClOx) + 12H20q) C))
ClO; +ClI” +2H" —

ClOyg) + /2 Clyg) + H2Oqy Q)

b) Chemical oxidation or disproportionation of
CidIn

CIO; + /xClyg) — ClOyg + CI- (6)
Cl0; + 14CI0™ + 15H,00 25
ClOyg + OH™ + 14 C1T )
5/4HCI0; 3 ClOyq) + 12 H,00,
+14CI" + 15 HY ®)

ClO; +x03, iy ClOy) + products  (9)

The production of CIO, by chlorate reduction or
by chlorite oxidation can also be performed elec-
trochemically. Several of the routes described in the
reactions above also entail the production of Cl,
as a by-product, which is undesirable for certain
applications; it can be removed by contacting the
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gas mixture with oxides, hydroxides, and various
carbonates of the alkali and alkaline earth metals.
In addition, the newer processes (e.g., reduction of
chlorate with hydrogen peroxide, reaction 1) are de-
signed to minimize the amount of Cl, generated as
by-product.

Analytical methods for chlorine dioxide include:

Spectrophotometry at 360 nm (extinction coeffi-
cient = 1150 M~ cm™})

» Titrimetry with iodine

* Polarography

¢ Amperometry

¢ Chromatography

In the present experiment we describe three mi-
croscale procedures to obtain chlorine dioxide: a)
CI(V) reduction, b) CI(III) oxidation, and c¢) CI(III)
disproportionation. The gas produced is analyzed
spectrophotometrically either in the gas phase or
dissolved in water.

Experimental Procedure

Estimated time to complete the experiment: 1.5 h.

Materials Reagents

3 10-mL Erlenmeyer flasks 5MH;O,

3 10-mL beakers 30% H,0;

3 5-mL syringes D.1. water

1 universal stand 0.4 M NaClO;
1 three-finger clamp NaClO

3 2-mL graduated pipets 2.5 M NaClO3
3 Beral pipets 10 M H3SO4

1 propipet bulb 0.01 M H;SO4
1 spectrophotometer 0.2 M NaClO;
3 spectrophotometer cuvettes 2 M H;S04

1 ice bath

1 10-mL graduated cylinder

1 pH meter

Each one of the three methods described below
for the preparation of ClOy(, utilizes the apparatus
shown in Figure 1. The apparatus setup is as fol-
lows: First stretch the plastic stem of a 4-mL, nar-
row stem disposable transfer pipet (Beral pipet) by
holding the tip in one hand and the bulb in the other
hand and pulling in opposite directions slowly and
firmly. This will make a long capillary-like tube (30—
45 cm) that allows for easy delivery of the gas. Sub-
merge the tip of the pipet in a small Erlenmeyer flask
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FIGURE 1. Experimental set-up. (Adapted from Ibanez,
2006).

(or preferably, in a spectrophotometer cuvette) filled
with distilled or deionized water. The reactants are
then introduced sequentially in each experiment, as
described below. As chlorine dioxide gas is evolved
from the reaction in the bulb, it travels through the
pipet stem and into the flask or cell, where it readily
dissolves in water. The solubility of chlorine diox-
ide in water increases with decreasing temperature;
therefore, it is helpful to place the receiving flask
or cell in an ice bath during the reaction. Injecting
several mL of air into the pipet bulb serves to push
the product ClO; out of the bulb and into the re-
ceiving flask or cell. The aqueous solution can then
be used for characterization and/or further experi-
ments. Owing to the high solubility of this gas, the
analytical test described below can be applied either
to the gas or to the collection solution.

Caution: All the preparations described below
must be performed under a fume hood, since in-
halation of ClO, may cause respiratory irrita-
tion, pulmonary edema and even death. Do not
wear contact lenses during its preparation or use.
Whenever production of ClO; is to be stopped
(for example, in a chemical spill) make the so-
lution alkaline so as to convert it to ClO;~ and
Cl0O, 7, thus avoiding further gas release. In case
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of contact with skin or eyes, flush immediately
and abundantly with lukewarm water. Before
voluntary release to the atmosphere, C10, should
be reacted or decomposed; appropriate media
for ClO, removal include a solid soda-lime fine
mixture, a basic thiosulfate solution, the Witches
brew (i.e., a mixture of sodium hydroxide and
potassium salts), etc. Do not allow C1O; pressure
to build up, since at p >150 mm Hg it will likely
decompose explosively! It decomposes thermally
and photochemically with expansion.

Preparation method #1: Chlorate reduction by hy-
drogen peroxide

Caution: Sodium chlorate is a strong, explosive
oxidizer. Do not allow contact with organic mat-
ter or other oxidizable substances.

Ina 10-mL beaker, place 7.5 mL of distilled water,
0.1 mL of a freshly prepared 2.5 M sodium chlorate
solution, 0.2 mL of a freshly prepared 5 M hydrogen
peroxide solution (this can be prepared, for exam-
ple, by diluting 5.7 mL of 30% H,0, with D.1. water
to a total of 10 mL), and 1.0 mL of a 0.01 M sodium
chloride solution. Caution: Concentrated H,0, is
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harmful to human tissue. Use skin and eye pre-
tection.

Draw approx. 2 mL of this mixture into the
Beral pipet through its stem (before stretching it
as described above); then, stretch it and puncture
a small hole on one of its sides and introduce very
slowly through it (e.g., with a 5-mL syringe) 1-2 mL
of 10 M sulfuric acid to initiate the reaction. See
Figure 1. Caution: Sulfuric acid is corrosive, es-
pecially when concentrated; use skin and eye pro-
tection. Syringe needles are very sharp, handle
with care. (If possible, unsharpen the needles with
sandpaper or a fine metal file to convert them into
“steel tubes”). Push the gas product out of the pipet
and collect it for analysis in the manner described
above. A yellow color (indicative of the production
of Cl0O;) appears immediately. Pump more air with
the syringe by injecting several syringes-full of air
into the pipet so as to displace the gas. Alterna-
tively, an aquarium air pump or a compressed inert
gas (e.g., nitrogen) can provide the necessary carrier
gas.

An aqueous solution of chlorine dioxide has a
distinctly yellowish cast, whereas chlorine gas dis-
solved in water is more green. Because Cly) is often
a by-product in the production of ClOy, it may be

ClO, UV/Vis absorbance spectrum
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FIGURE 2. Gas-phase chlorine dioxide absorbance. (Adapted from Ibanez, 2006).
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difficult to distinguish by eye if the solution is more
yellow or green, and therein whether the reaction
produced the desired product. UV-Vis spectra may
be taken (of either the aqueous solution or the gas)
to confirm the presence of Cl0,. A peak for chlorine
dioxide gas is observed at 360 nm with distinctive
vibrational fine structure (see Figure 2). This elec-
tronic spectrum is discussed in detail elsewhere (see
Esposito, 1999). It may be helpful to take a scan of
chlorine gas to compare it to the chlorine dioxide
spectrum,

Preparation method #2: Chlorite oxidation by
hypochlorite

Caution: Sodium chlorite is an oxidizing, corro-
sive material. Combustibles wetted with its so-
lution and subsequently dried are easily ignited
and burn vigorously (e.g., paper). It is incom-
patible with all combustibles, reducing agents
(including reactive metals) and acids. It is a
severe (corrosive) irritant. In case of spill of
the solid material, collect into a clean metal or
high-density polyethylene container. Wash away
residues with a large amount of water. Do not use
rags, sawdust or other combustible absorbents.
If contact with the skin occurs, wash with soap
and water.
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Pour a few mL of a 0.4 M NaClO, solution
into a 10-mL beaker. Neutralize it to pH 7 with
0.01 M H,S04. In a separate container, prepare
a working solution of sodium hypochlorite by
diluting 0.2 mL of a commercial (6% w/v) solution
{(bleach) to 10 mL with D.I. water and neutralize
to pH 7 with 0.01 M H,S04. Draw approximately
1.5 mL of this dilute bleach solution into a new
Beral pipet through its stem (before stretching it
as described above); then, stretch it and puncture a
small hole on one of its sides and introduce through
it (with a syringe) 1.5 mL of the neutralized NaClO
solution. Proceed as in the preparation method #1
to displace, collect, and analyze the ClO,. See the
cautionary notes given above.

Preparation method #3: Disproportionation of
chlorous acid

Draw approximately 1.5 mL of a 0.2 M NaClO,
solution into a Beral pipet through its stem (before
stretching it as described above); then, stretch it and
puncture a small hole on one of its sides and in-
troduce through it (with a syringe) approximately
1.5 mL of a2 M sulfuric acid solution. Proceed as in
the preparation method #1 to displace, collect, and
analyze the ClO,. See the cautionary notes given
above.
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PRELABORATORY QUESTIONS AND
PROBLEMS

*1. Predict whether ClO, is thermodynamically sta-
ble or unstable at pH = 0 and pH = 14 by drawing
the Frost diagram of chlorine in its different oxida-
tion states (see how to construct a Frost diagram in
Section 2.3 of the companion book).

*2. In the series of reduction reactions for the pro-
duction of C10, given in the introduction, which one
is a simple comproportionation?

*3. In the series of reduction reactions for the pro-
duction of C1O, given in the introduction, which one
is a double comproportionation?

*4. In the series of chemical oxidation or dispro-
portionation reactions of CI(III) for the production

*Answer in this book’s webpage at www.springer.com

19. Production and Analysis of Chlorine Dioxide

of Cl0; given the introduction, which one a simple
disproportionation?

*5. In the series of chemical oxidation or dispro-
portionation reactions of CI(III) for the production
of ClO, given in the introduction, which ones are
double disproportionations?

Additional Related Projects

¢ Produce ClO, by electrochemical reduction of
chlorate ions or the oxidation of chlorite ions (see
Rajeshwar, 1997).

¢ Analyze the amounts of C1O; produced by a given
technique when varying key parameters.

¢ Condense ClO; as a red liquid.

¢ Trap ClO; selectively with a glycine solution from
a gas stream containing ClO; and Cl,.
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Name Section Date

Instructor. Partner.

LABORATORY REPORT SHEET—EXPERIMENT 19

Preparation method #1: Chlorate reduction by hydrogen peroxide
Number of moles of chlorate used

Number of moles of hydrogen peroxide used

Number of moles of sulfuric acid used

Wavelength used for the UV-Vis analysis of ClO,

Absorbance

Calculated concentration of ClO,

Preparation method #2: Chlorite oxidation by hypochlorite
Number of moles of NaClO, used

Number of moles of hypochlorite used

Absorbance

Calculated concentration of C10,

Preparation method #3: Disproportionation of chlorous acid
Number of moles of NaClO, used

Number of moles of sulfuric acid used

Absorbance

Calculated concentration of ClO,
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POSTLABORATORY PROBLEMS
AND QUESTIONS

*1. We have produced ClO; in a simultaneous fash-
ion at the anode and cathode of an electrochemi-
cal cell. This process in which both electrodic reac-
tions yield the same product is a convergent paired
electrosynthesis (see Paddon, 2006). The cathodic
reaction consists of the reduction of chlorate ions,
whereas the anodic reaction is the oxidation of chlo-
rite ions. The cation in the catholyte as well as in the
anolyte is Na*, which remains inert during the pro-
cess. Assuming that all the current passing through
the electrodes is employed for the production of
ClO»,

a) Write the balanced anodic reaction (neutral
medium)

b) Write the balanced cathodic reaction (acidic
medium)

¢) Write the global (net) reaction (acidic medium).
Note that this reaction is a comproportionation.

*2. Chlorine dioxide can be produced by the dispro-
portionation of chlorous acid as follows:

aHCIO; —» 4X +2H,0+ Y + HY
Balance this equation.

*3. Chlorine dioxide can be produced by the dou-
ble comproportionation of two different acids (both
contain Cl) as follows:

bHCIO; + Z — ¢ClO; 4+ dCi; + H,O

(Z does not contain oxygen).

Balance this equation.

Student Comments and Suggestions

*Answer in this book’s website at www.springer.com

19. Production and Analysis of Chlorine Dioxide
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Experiment 20

Metal Ion Recovery By Cementation

Reference Chapters: 10, 12

Objectives

After performing this experiment, the student shall
be able to:

¢ Remove a metal ion from a solution by using a
more active metal.

¢ Understand the concept of cementation.

¢ Analyze the rate of removal of an ion from a so-
lution.

¢ Interpret the physical and chemical phenomena
observed during the course of a cementation pro-
cess.

Introduction

As discussed in Chapter 10, the uncontrolled release
of metal ions poses a threat to the environment. An
alternative removal scheme is cementation, whereby
redox activity takes place between a metal substrate,
Mj, and the ions of a more noble metal, M (i.e., a
metal with a more positive standard potential that
needs to be removed from the solution), due to a
thermodynamically spontaneous reaction.

In general, a cementation process can be de-
scribed by the following equation (for simplicity,
two divalent metals are considered here):

M2+

0 _ ] 24
@ TN =M +N 1)

(aq)

In this way, N is the sacrificial metal, and M is the
cemented metal (that is, the one 1o be removed). Be-
sides the spontaneous nature of the process, other
advantages include its relative simplicity, ease of

control, and the possible recovery of valuable met-
als. Challenges to this process involve the possible
presence of chelating agents, mass transfer limita-
tions, and the introduction of new species into the
medium. Some examples of applications of cemen-
tation processes include:

¢ removal of polluting metal ions from aqueous ef-
fluents

* purification steps in metallurgical operations

* recovery of spent metals from different chemical
operations

The present experiment is an example of this
last application. However, in environmental clean-
up applications one has to analyze the possible im-
pact of the new ions added to the aqueous system.

Experimental Procedure

Estimated time to complete the experiment: 2 h

Materials Reagents

1 {or more, according 0.02, 0.04, 0.06,
to the instructor) 3-mL 0.08 and 0.1 M
spectrophotometer cuvettes CuSOq4

1 spectrophotometer 1 Zn pellet

This experiment comprises two steps. 1) The

cementation of Cu®* (EQ . icu = 034 V) by Zn
(E9 .. /zn = —0.76 V) is accomplished in a small-
volume (about 3 mL) semimicro spectrophotometer

cuvette (path length = 1 cm), and the concentration
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FIGURE 1. Absorbance spectrum of CuSO, in solution.
(Adapted from Ibanez, 2007).

of Cu** is monitored in situ at a fixed, predeter-
mined wavelength. 2) A calibration plot is obtained
with known solutions; then, absorbance versus time
data points are acquired and transformed into a con-
centration versus time curve from which removal
kinetic data can be analyzed.

a) Calibration curve

Prepare a series of at least five different con-
centrations of CuSOy solutions (for example, 0.02,
0.04, 0.06, 0.08, and 0.1 M). Trace the absorption vs
wavelength curve with a scanning spectrophotome-
ter from 400 to 900 nm for each solution. The peak
in the vicinity of 800-810 nm is used for the quan-
tification of Cu?* in this experiment. See Figure 1.
A fixed-wave spectrophotometer (or colorimeter)

Cu (I
solution

20. Metal Ion Recovery By Cementation

can also be used at 810 nm. (Although more pre-
cise Cu(ll) determinations exist in the literature,
this strategy dramatically simplifies the experimen-
tal procedure). Then, obtain a calibration curve by
plotting the absorbance vs concentration points for
each concentration.

b) Cementation of Cu>*

Find a Zn pellet of appropriate dimensions such
that it cannot fall to the bottom of the spectropho-
tometer cuvette. Rinse the pellet with acetone or
ethanol to remove any grease or other foreign sub-
stances from its surface, allow it to dry, and place it
in the cuvette as shown in Figure 2.

Next, with a Pasteur or a Beral pipet fill the cu-
vette with 0.1 M CuSQ, solution as to completely
cover the Zn pellet. Insert the cuvette into the spec-
trophotometer and take an absorbance vs time datum
every 5 min. Convert each absorbance point to con-
centration by using your calibration curve. Allow
the experiment to proceed until one half or more
of the initial amount of Cu?* is removed. Plot the
results on a concentration vs time curve.

At the end of the experiment, separate the
Cu-covered Zn pellet and place it in a labeled
container. The instructor may choose to recycle
it for future experiments. Collect all the solu-
tions containing Cu(lIl). The instructor may choose
to recover the Cu from these solutions (e.g., by
electrolysis).

28_' T

2+
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y
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FIGURE 2. Experimental set-up. (Adapted from Ibanez, 2006).
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Name Section
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Date.

Instructor.

Partner.

PRELABORATORY REPORT SHEET—EXPERIMENT 20

Objectives

Flow sheet of procedure

Waste containment and recycling procedure

PRELABORATORY QUESTIONS AND
PROBLEMS

1. Give three examples of real cases where the
cementation technique is utilized for the removal
and/or recovery of metal ions.

2. If a metal ion (M}*) is to be cemented and it has
a standard potential of 4+ 0.50 V (vs the standard
hydrogen electrode, SHE), which of the following
metals (M) could be used to achieve that opera-
tion? Select the standard potential of the metal half
reaction that would be useful. a) 0 V, b) + 0.50 V,
¢) —0.75V,d) + 1.00 V vs SHE. Explain.

*3. Predict whether the following reactions are spon-
taneous or not, assuming 7= 25°C and that all con-
centrations are 1 M. Find the necessary data in any
table of standard potentials.

* Answer in this book’s webpage at www.springer.com

a) 2Age+ Nigh — 2Agl + Nig)

b) Cag,+ Cd(za“;) — Caf;;)+ Cd

c)2Br + Sl‘l(zz;g) - Br2<])+ Sn(s)

Additional Related Project

¢ As stated in Section 10.1, zero-valent metals
(ZVM) can be used not only for the recovery
of less-reactive metals, but also for the construc-
tion of barriers to the diffusion of other reducible
pollutants (e.g., CrO?~, NO;, toxic halogenated
organics, organic ketones, explosives, solvents,
dyes) in underground reservoirs and currents.
Students can work on projects aimed at the reduc-
tion of such pollutants with different ZVM (e.g.,
Fe, Zn, Al). (See for example the paper by Balko,
2001).
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Name Section Date

Instructor. Partner,

LABORATORY REPORT SHEET—EXPERIMENT 20

Observations

1. Color of the initial solution

2. Original color of the solid metal

3. Color of the final solution

4. Insert your calibration curve here, including the equation obtained and the correlation coefficient:

5. Calculate the number of moles of Cu(Il) removed —_  moles

6. Insert your concentration vs time plot here

7. Literature reports typically show first order kinetics for the removal of ions by cementation. Test for
this hypothesis as applied to your system by plotting the corresponding equation from Section 3.2 of the
companion book.
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POSTLABORATORY PROBLEMS
AND QUESTIONS

*1. Write a general equation for the removal of a
metal ion, Mfa:) from an aqueous solution by ce-
mentation on a solid metal, N}, that becomes Ni;.. .
*2. Comment on any possible deviations from lin-
earity in your kinetic plot.

*3. During the removal of Cu?* ions by cementation
on elemental Fe, the following reactions occur:

Cugh) +2¢™ = Cug )
Fe = Felt) + 2¢” )

If the system is allowed to reach thermodynamic
equilibrium, then the concentration of Cu®*t ions
will be greatly reduced, whereas the concentration
of Fe?* will increase.

What will be the ratio of the concentrations at
equilibrium, @ = [Fe?+]/[Cu?*]?

(Note: Assume that the concentrations of the ions
are approximately the same as their activities).

* Answer in this book’s webpage at www.springer.com

Student Comments and Suggestions
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Experiment 21

Green Chemistry: The Recovery and Reuse
of Sulfur Dioxide (Obendrauf’s Method)

Reference Chapters: 10, 12

Objectives

After performing this experiment, the student shall
be able to:

* Capture toxic SO, in an aqueous solution.

¢ Produce CaSQy as a recovery product.

* Produce different gases using plastic syringes
(i.e., SOz, COy, Oy).

Introduction

The combustion of hydrocarbons for the produc-
tion of thermal energy usually involves the produc-
tion of undesired “chimney gases.” In theory these
gases should only contain CO; + H;O, but in re-
ality they contain important amounts of polluting
gases (mainly NO,, SO,, CO). A common strategy
for the removal and recovery of the SO; consists in
reacting it with a base [typically Ca(OH);] to pro-
duce a non-toxic substance (CaSQOs). However, this
salt is not of industrial interest. A more important
substance from the industrial standpoint is gypsum,
CaSQq, that is a useful material for construction
purposes.

In Chapter 12 we defined Green Chemistry as
the design of chemical products and processes that
reduce or eliminate the use and generation of haz-
ardous substances. Because the present experiment
involves an environmentally benign chemical syn-
thesis using a waste substance, it falls within the
scope of Green Chemistry.

The present desulfurization modeling experi-
ment (called Obendrauf’s method) is based on
the reaction between SO, and CaCO; to produce
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Ca(HSO0s),, which is then oxidized by dioxygen to
the sparingly soluble CaSQ;. In fact, CaSOj is such
a good dioxygen scavenger that it has been under
study as a means of preventing acid formation dur-
ing pyrite oxidation (discussed and exemplified in
Experiment 11 on acid mine drainage). (See Hao,
2000). No hazardous wastes are produced.

Experimental Procedure

Estimated time to complete the experiment: 1.5 h

Materials Reagents

1 13 mm — test tube Ca(OH),

3 10-mL syringes NaHCO3

1 universal stand HCl

1 three-finger clamp 3% Hy0,

1 Beral pipet NaHSO3

4 rubber stoppers 2MH,5804

1 ice bath 0.001 M KMnQy4
1 microscope slide 0.01 M Na3$,03
1 microscope (optional) CaCl

The overall experimental sequence can be seen in
Figure 1.

Place 3 mL of a saturated Ca(OH), solution in
a small test tube. Now produce CO, in a 10-mL
syringe (by any standard method; see for exam-
ple Obendrauf, 1996, 2004 and Mattson, 2003) and
bubble 5 mL of it through the above solution. A
precipitate then forms (i.e., CaCOs3). Next, produce
SO, in a syringe (by any standard method, see for ex-
ample Obendrauf, 1996, 2004 and Mattson, 2003)
and bubble 5 mL of it through this solution until
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Desulfurizafion and gypsum formation

Co, SO,

oo

o0

CaCoO,

SO

2(9

CaSO

—

0 +6 -2
4+ CaCO,, + 1/20,, —> €S0,y + COyy

FIGURE 1. Overall experiment. (Adapted from Obendrauf, 1996).

the precipitate dissolves (try to deliver very small
bubbles).

The CaCO; precipitate will dissolve due to its re-
action with SO, to form the soluble salt Ca(HSO5),.
Then, produce O, in a syringe (by any standard
method, see for example Obendrauf, 1996, 2004
and Mattson, 2003), warm the test tube containing
the Ca(HSOz3), to 45-50° C for 5-10 min, and bub-
ble 5 mL of O, through this solution. The sparingly
soluble CaSQO, forms. However, in order to observe
the precipitate one often needs to cool down the tube
and its contents to room temperature (or even below
with an ice bath or with cooling spray).

Scratch the inner wall of the tube with a glass
rod so as to produce nucleation sites for the CaSO,.
Tiny crystals appear that can be observed through a
microscope by placing a few drops of the resulting
solution on a microscope slide.

If no precipitate were observed, one can take ad-
vantage of LeChatelier’s principle by using the com-
mon ion effect (for example, add a few drops of
a saturated CaCl, solution or—better—a couple of
small CaCl, crystals). This addition of extra Ca**
will push the equilibrium toward the products (i.¢.,
where the sulfate is) and CaSO4 will form a milky
precipitate.
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Name Section Date

Instructor. Partner.

PRELABORATORY REPORT SHEET—EXPERIMENT 21

Objectives

Procedure Flow sheet of procedure

Waste containment and recycling procedure



Experimental Procedure

PRELABORATORY QUESTIONS AND
PROBLEMS

1. Fill out the following table.

Solubility at 25°C
Compound (g compound/100 g H,O)
CaSO3
CaSO4
CaClz

2. How much SO, can be theoretically produced
from the burning of 1 L of unleaded regular gasoline
in an automobile engine (without catalytic conver-
sion)? (Students may be requested to calculate this
for one or more gasoline vendors—Exxon, Shell,
Conoco, etc.)

3. Find at least three industrial uses for gypsum
(CaSOy).

4. Calculate and plot a species distribution diagram
for sulfite in the pH range 0-14 (see Chapter 2 of
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the companion book). From here, which sulfur-
containing species undergoes oxidation in the
present experiment?

Additional Related Projects

¢ Produce gypsum by a similar process to that in
the present experiment, but using Na,CO; in-
stead of CaCOj;, and adding CaCl, to convert
the final sodium salt to gypsum. (See Voeste,
1979).

¢ Add a Fe(Il) or Fe(Ill) salt in the oxidation step
of the present experiment and evaiuate its pos-
sible catalytic effect. (See Karatza, 2005 and
Trzepierczynska, 1991).

¢ Regenerate SO, from gypsum by reacting the later
with H,S. (See Foecking, 1971).

¢ Use MgO or Mg(OH); instead of the correspond-
ing calcium compounds for the present experi-
ment. Transform the MgSQOy thus produced into
gypsum by reacting it with CaCO;. (See Ueno,
1979).
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Name Section Date

Instructor Partner

LABORATORY REPORT SHEET—EXPERIMENT 21

a) Write the balanced reactions for the following steps that occur in the present experiment:

¢ Production of CO,

¢ Production of CaCO;

¢ Production of SO,

¢ Production of CaSO;3

¢ Production of O,

¢ Production of CaSOy4

b) From these balanced reactions, calculate the number of moles of each substance of interest produced in
each step.



Experimental Procedure

POSTLABORATORY PROBLEMS
AND QUESTIONS

* 1. Fossil fuel combustion gases contain SO, that
can be used to produce sodium and calcium sul-
fates. Replace the italic letters in the following reac-
tion scheme with plausible chemical formulas. (See
Satrio, 2002.)

X(gypsum) + U
O3, A
$0, ———— » SO, CaCl,
catalyst
+ vV + 2w
500-600°C (contains Cl)

industrial
electrolysis

acid/base

reaction Y + z

l oxidizing gas

*2. Sulfur can be recovered from gypsum in the
form of elemental S and H,SO,4 through the follow-
ing (simplified) reaction sequence (see Campbell,
1971):

Reaction a:

CaSO0y is heated in the presence of a mixture of re-
ducing gases (i.e., H, and CO) to produce five binary
compounds: U + V + W + X +4Y for every two
moles of CaSOy. The last four binary compounds
produced are oxides (basic, acidic, acidic, and am-
photeric, respectively).

Reaction b:
U reacts with W and Y to produce H,S + T

Reaction c:
Heating T produces V + W.

Reaction d:
H,S comproportionates with X to give elemental
sulfur + Y.

Reaction e:

X is oxidized catalytically in air to produce Z, which
reacts with ¥ to produce H,SOy.

*Answer in this book’s webpage at www.springer.com
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A) Find the chemical formulae of T,U,V, W,
X, Y Z.

B) Complete and balance the following reaction
scheme:

aH, +bCO+2CaS0s —2 > U + ¥V + W + X + 4Y

W ldY 1021
mY

mZ— mH;S04

eH,S + T

A
24

Wk
WS + ir

*3. Since the oxidation step in the warm sulfite solu-
tion of the present experiment could be incomplete,
how can one prove that the precipitate obtained in
the experiment is actually CaSO,4 and not hydrated
CaS03;? (Note that both are sparingly soluble).
Suggest a physical and a chemical test to prove this.

Student Comments and Suggestions
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Experiment 22

Microorganisms in Soil, Water, and Air

Reference Chapters: 7, 11

Objectives

After performing the experiment, the student shall
be able to:

e Isolate bacteria, yeast, and fungi from soil, air, or
water samples with the aid of selective media.

* Observe the morphology of the colonies obtained
and identify their major physical characteristics.

¢ Stain when necessary and observe the results in
the microscope.

Introduction

Microorganisms have a considerable impact in the
environment as well as in our daily lives, as they
can gradually modify an ecosystem, cause disease
to plants, animals, and humans or they may be used
for the production of compounds such as antibiotics,
vaccines, enzymes added to detergents, or food such
as wine and yoghurt.

Thanks to the genetic manipulation of microor-
ganisms, they can be used to synthesize products
foreign to their natural metabolism (e.g., the hu-
man hormone insulin, bovine growth hormone, and
the factor VIII involved in coagulation). It is impor-
tant to isolate bacteria, yeasts, and filamentous fungi
from their natural habitats, and to be able to purify,
characterize and classify them.

An important distinction is their capacity to live
under various environmental conditions, sometimes
even in extreme conditions of temperature, pH, and
salinity that other organisms cannot tolerate.

In this experiment, students will isolate microor-
ganisms from different environments and observe
them through an optical microscope. The method
used here is the agar plate method using selective
media that allows for the growth of specific types
of microorganisms [i.e., nutrient agar is used for
the growth of bacteria, while potato dextrose agar
(PDA) is preferred for yeast growth, and Sabourad
medium for filamentous fungi}.

Although this isolation method has several limita-
tions, it is simple and can give an idea of the diver-
sity of microorganisms in different environments.
For example:

* anaerobes in soil fail to grow on the surface of
agar exposed to air

* non-symbiotic, nitrogen-fixing organisms grow
under these conditions only to a limited extent

* many of the cellulose-digesting forms fail to grow
or grow poorly on nutrient agar

Therefore, the observed microorganisms represent
only a fraction of the total viable bacterial or yeast
population.

Experimental Procedure

Estimated time to complete the experiment: 3 h the
first day and 30 min after 24—48 h

When doing microbiological laboratory work,
the following rules must be followed:

1. Use a protective garment (e.g., a lab coat)
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2. Never eat or drink in the laboratory, and avoid
placing objects in your mouth

3. Always wash your hands before leaving the
lab

4. If you spill living organisms, cover the spilled
material with paper towels and pour a labora-
tory disinfectant over the towels and the entire
contaminated area. Wait 15 min before you

clean it up
Materials Reagents
20 sterile Petri dishes, Dextrose potato agar
60 x 15 mm Nutrient agar

10 1-mL pipets

3 500-mL Erlenmeyer flasks
1 mixing plate

1 Bunsen burner

8 screw cap 13 x 100 mm

Sabourad agar
Saline isotonic solution
(NaCl10.9%)
Gram reagents, solutions of:
— crystal violet stain

test tubes — Gram’s iodine solution
Test tube rack — acetone-alcohol mixture
Autoclave 70:30

2 Incubators (37°C and 30°C)
Inoculating loop

Glass slides and cover slips
Optical microscope
Immersion oil

Soil and water samples
Sterile spatula

Sterile mortar and pestle

— safranine stain

1. Prepare 100 mL of an isotonic saline solution.
Add 9.9 mL to each of six tubes and cap them.
Sterilize for 15 minutes at 121°C.

2. Sterilize six 1-mL pipets.

3. Prepare the necessary amount of nutrient agar, of
Sabourad agar, and of potato dextrose agar, as indi-
cated by the manufacturers (each Petri dish requires
10 mL of the medium). Mix thoroughly. Heat gently
and bring the mixture to boil. Autoclave for 15 min
at 15 psi and 121°C. Maintain at 45°C until they are
poured in sterile Petri dishes.

Seil sample
4. If necessary, place some soil in a sterile mortar

and break up the lumps with a pestle.

5. Weigh 0.1 g of the sample soil. Suspend in the
9.9 mL of saline solution and mix thoroughly. (This
means a 1:100 dilution, or 1072).

22. Microorganisms in Soil, Water, and Air

6. Using a sterile pipet, transfer 0.1 mL of the 1072
dilution to another test tube containing 9.9 mL of
the saline solution, and repeat the step in order to
have 10~ and 107 dilutions. Mix thoroughly.

Use an aseptic technique when making serial di-
lutions and plating. Always use a clean, sterile
pipet for all transfers.

7. Label each Petri dish (as 1-7) and add aliquots of
the dilutions and media according to the following
table:

Dilutions and
media

Petri

dishes | 1 2 3 4 5 6 7
107 mL | 1 — — 1 =
10% mL |— 1t —] 1 ] 1
10® mL - — 1 [ 1 e
PDA agar mL {10 16 10
Nutrient agar mL 10 10
Sabourad agar mL 10 10

8. Slowly, move each Petri dish so that the samples
become mixed with the culture medium.

9. Let the agar solidify and incubate (at 37°C for nu-
trient agar and 30°C for PDA and Sabourad media).
Water sample

10. Measure 0.1 mL of the liquid sample, dilute in
9.9 mL of saline solution and mix thoroughly. (This
means a 1:100 dilution, or 10~2).

11. Repeat steps 6-9.
Air sample

12. Prepare Petri dishes with each agar medium.

13. When the agar has solidified, open the dish for
20 min to allow airborne microorganisms contact
the medium.

14. Close and incubate, as in step 9.

15. Observe and count the cultures after 24 and 48 h
for bacterial growth, and 4872 h for yeast and fungi
growth.
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Bacteria

1. Observe the macroscopic characteristics of the

colonies of microorganisms that grew on each

plate.

. Prepare separate smears of the unknown bacteria

in the following way:

* Place a drop of tap water at the center of a glass
slide.

 Using the inoculating loop, aseptically remove
half a loopful of bacteria from the culture.

¢ Mix the large amount of organisms on the loop
into the drop of water on the slide.

¢ Spread the mixture.

¢ Flame the loop to prevent contamination of the
worktable, your culture and yourself.

¢ Allow the smear to air dry.

¢ Heat-fix by passing the slide back and forth
through the flame of your Bunsen burner.

. Perform the Gram stain as follows:

* Flood the slide with crystal violet and allow to
react for 1 min.

e Handle the slide with slide forceps. Tilt it
to an angle of approximately 45° and drain
the dye off the slide into a pan or staining
sink.

¢ Continue to hold the slide at 45° and immedi-
ately rinse it thoroughly with a gentle stream
of water from the wash bottle.

* Flush the slide with iodine solution. Allow the
iodine to react for 1 minute.

* Tilt the slide and allow it to drain.

o Immediately rinse the slide thoroughly with
water.
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» With the slide still held at a 45° angle, decol-
orize it by allowing the acetone—alcohol mix-
ture to run over and off the smear.

¢ Rinse immediately with water.

¢ Flood the slide with the safranine counterstain.
Allow the countestain to react for 1 minute.

¢ Rinse the slide thoroughly with water.

e Carefully blot your stained slide and examine
each smear in the microscope under high power
and oil immersion objectives.

The Gram stain separates bacteria into two

groups, depending on whether the original stain

(violet crystal) is retained or lost when the stained

smear is treated with an iodine solution and then

washed with the acetone—alcohol mixture.
Organisms that retain the stain when washed
with alcohol are termed Gram positive; those that
fail to retain the original stain but take the coun-
terstain (safranine) are called Gram negative. The

Gram stain is of considerable value in identifying

and classifying bacteria.

Yeast and fungi

Yeast and fungi are observed directly under the
microscope by placing a loopful of each colony in
a drop of water between a slide and a cover slip.
Observe the form, size, and number of different
colonies under the microscope (at high power and
oil immersion objectives).

Autoclave all Petri dishes when the experiment
is concluded to kill the isolated microorganisms
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Name Section

22. Microorganisms in Soil, Water, and Air

Date

Instructor

Partner

PRELABORATORY REPORT SHEET—EXPERIMENT 22

Objectives:

Flow sheet of procedure

Waste containment procedure:

PRELABORATORY QUESTIONS AND
PROBLEMS

1. Why are bacteria and fungi classified in different
kingdoms?

2. What is the difference between yeasts and fila-
mentous fungi?

3. What are the mean sizes of these microorganisms?
4. What is a selective medium?
5. Describe the shapes of bacteria and yeasts.

Additional Related Projects:

¢ The dilution factors may have to be changed as the
original soil or water sample used will have differ-
ent microorganism concentrations. There should
be fewer than 50 colonies per Petri dish with the
highest dilution aliquot.

* Dilutions can be plated by triplicate so that the
mean number of colony-forming units (CFU)/mL
present in the sample can be determined.
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Name

Section

Instructor

Date

Partner

LABORATORY REPORT SHEET—EXPERIMENT 22

SOIL SAMPLE

1. Sketch the macroscopic appearance of the colonies isolated from each medium.

PDA agar

Nutrient agar

Sabourad agar

2. Describe the microscopic appearance of the different isolated microorganisms:

Bacteria

Form

Gram stain

1

2
3
4
5

Yeast

Form

[y

(2R B N B VUR B )

Fungi

Form

St

FN VS Y
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WATER SAMPLE

1. Sketch the macroscopic appearance of the colonies isolated from each medium.

PDA agar Nutrient agar Sabourad agar

2. Describe the microscopic appearance of the different isolated microorganisms:

Bacteria Form Grram stain

1

Wl B W N

Yeast Form

(=

W B WM

Fungi Form

ot

SV
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AIR SAMPLE

1. Sketch the macroscopic appearance of the colonies isolated from each medium.
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PDA agar

Nutrient agar

Sabourad agar

2. Describe the microscopic appearance of the different isolated microorganisms:

Bacteria |

Form

Gram stain

1

2
3
4
5

Yeast

Form

(8]

W B

Fungi

Form

W N




218

POSTLABORATORY PROBLEMS
AND QUESTIONS

1. What are the morphologic characteristics of the
isolated bacterial colonies?

2. What type of microorganisms (bacteria, yeast
or fungi) predominate in the different samples
analyzed?

3. Why does one have to dilute the samples?

4. Why is the incubation time varied among the dif-
ferent types of microorganisms cultured?

Student Comments and Suggestions

22. Microorganisms in Soil, Water, and Air
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Experiment 23

Toxicity Assay Using Bacterial Growth

Reference Chapters: 9, 11

Objective

After performing the experiment, the student shall
be able to:

 Use the viable cell count of a mixed bacterial cul-
ture present in spent water to assess the toxicity
of sodium azide, chromium (VI), and chromium
(IIT) as examples of inorganic toxic compounds.

Introduction

Inresponse to the expanding stresses on the environ-
ment and in the belief that there is no single criterion
by which to adequately judge the potential hazard
of a given substance (either to the environment or to
humans), several biological assay procedures have
been developed, proposed, and used to assay toxi-
cant impacts.

In general, there are two main groups of in
vitro toxicity-screening tests: (a) the “health ef-
fect” tests, and (b) the “ecological effect” tests.
“Health effect” toxicity tests are based on the use
of subcellular components (e.g., enzymes, DNA,
and RNA), isolated cells (e.g., cell cultures, red
blood cells), tissue sections, or isolated whole or-
gans. These tests consist in the determination of cell
viability (e.g., plating efficiency, colony formation),
cell reproduction, or macromolecular biosynthesis.
“Ecological effect” tests mainly measure the acute
toxicity of chemicals to aquatic organisms repre-
senting various trophic levels of the food chain.

These tests use bacteria, algae, zooplankton, ben-
thic invertebrates, and fish for the estimation of
chemical toxicity in natural and man-modified eco-
systems.

In the search for rapid, relatively reproducible
and inexpensive tests, bacteria appear to be sensi-
tive sensors of chemical toxicity. This is so because
they have relatively short life cycles and quick re-
sponses to changes in their environment, where they
may be exposed to a wide range of toxic, organic,
and inorganic compounds in natural waters, soil,
and sewage treatment processes. These characteris-
tics make bacteria suitable for the rapid screening
of toxicants in natural waters.

Some screening tests are:

a) Mutagenicity test employing microorganisms
and viruses, developed and standardized for
determining genotoxic chemicals. The most fre-
quently used mutagenicity test is the Salmonella
typhimurium reverse mutation assay, which ap-
pears to be a reliable indicator of the poten-
tial carcinogenicity of organic chemicals. It uses
auxotrophic mutants for histidine (his) that have
either a normal or an error prone DNA re-
pair capability and, therefore, can detect either
base-pair errors or frame-shifts. Exposure to mu-
tagenic agents induces prototrophy, and colonies
of such revertants develop in histidine-free
media.

b) Assay based on bacterial luminescence using
Photobacterium phosphoreum in the Microtox®
test. The Microtox® bioassay assesses acute
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toxicity in aquatic samples. It measures the activ-
ity of luminescent bacteria that emit light under
normal metabolic conditions. Any stimulation or
inhibition of their metabolism affects the inten-
sity of the light output.

c) Assays based on the measurement of viability or
growth inhibition of specific bacteria (or specific
bacteria groups). Sewage microorganisms and
bacteria belonging to the genera Pseudomonas,
Klebsiella, Aeromonas, or Citrobacter are used
for the assays.

Nonetheless, there are specific problems associated
with most of these testing protocols (e.g., the choice
of test organisms, inocula size, growth media, and
substrate concentrations). When using bacterial cul-
tures in toxicology testing, the decision regarding
the use of pure or mixed cultures of organisms also
poses a problem. Pure cultures entail fewer com-
plications and the results are easier to interpret. If
natural mixtures of microbial populations are used,
the problem of deciding what sources of populations
to use as inocula and how to handle and store them
prior to initiating the bioassay must be considered.
Pure culture testing eliminates the possibility of
interspecies interactions such as synergisms, com-
mensalisms, symbiosis, and antagonisms that occur
in natural environments and that may be important
for biodegradation and adaptation of the biota to the
substance under study.

In order to test the toxicant capability of several
substances, the viable cell count of a bacterial cul-
ture may be determined using nutrient agar, which
allows for the growth of a wide variety of microor-
ganisms. The toxicant substances are included in
the medium at increasing concentrations, so that the
reduction in the number of colony forming units
(CFUs) is determined relative to the number grown
without the toxicant.

The substances chosen for the present experiment
are:

¢ Sodium azide (NaN3), best known as the chemi-
cal found in automobile airbags. It is also used in
detonators and other explosives. It also finds use
as a chemical preservative in hospitals and labora-
tories, and in agriculture for pest control because
azide anions prevent the function of cytochrome
oxidase, an enzyme associated with respiration.
Cells die as a result.

23. Toxicity Assay Using Bacterial Growth

¢ Hexavalent chromium, Cr(VI) is a human car-
cinogen acting upon chronic inhalation exposures.
When swallowed, it can upset the gastrointestinal
tract and damage the liver and kidneys. Evidence,
however, suggests that hexavalent chromium does
not cause cancer when ingested, most likely
because it is rapidly converted into the triva-
lent form, Cr(Ill) after entering the stomach.
Chromium (VI) is a danger to human health,
mainly for people who work in the steel and textile
industries.

¢ Chromium (IIT) occurs naturally in many fresh
vegetables, fruits, meat, grains, and yeast, and is
often added to vitamins as a dietary supplement.
It is an essential nutrient for humans, and short-
ages may cause heart conditions, metabolism dis-
ruption, and diabetes. Nevertheless, the uptake of
too much Cr(IIl) can cause health effects (e.g.,
skin rashes). Chrome green is the green oxide of
chromium (III), Cr,03, used in enamel painting
and glass staining. Trivalent chromium may cause
skin irritation at high doses given parenterally but
is not toxic at lower doses given orally.

Experimental Procedure

Estimated time to complete the experiment: 3 h the

first day, and 30 min after 24-48 h

Materials Reagents

3 500-mL Erlenmeyer flasks Wastewater sample

6 1-mL pipets Saline isotonic solution
20 sterile Petri dishes, (0.9% NaCl)

60 x 15 mm Nutrient agar
10 1-mL pipets

10 10-mL pipets

10 screw cap 13 x 100 mm
test tubes

Cotton caps

Incubators (37°C, 30°C)

Autoclave

1 mixing plate

1 Bunsen burner

Test tube rack

Inoculating loop

Glass slides and cover slips

Sterile spatula




Experimental Procedure

When doing microbiological laboratory work,
the following rules must be followed:

1. Use a protective garment (e.g., a lab coat).

2. Never eat or drink in the laboratory, and avoid
placing objects in your mouth.

3. Always wash your hands before leaving the
lab.

4. If you spill living organisms, cover the spilled
material with paper towels and pour a labora-
tory disinfectant over the towels and the entire
contaminated area. Wait 15 min before you
clean it up.

Preparation of the agar medium

Nutrient agar is prepared in the concentration indi-
cated by the manufacturer. Mix thoroughly. Gently
heat and bring the mixture to boil. Autoclave for
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15 min at 15 psi and 121°C. Maintain the agar at
45°C until it is poured in sterile Petri dishes.

Autoclave ten 10-mL screw cap tubes for each
toxicant tested, 100 mL of saline solution (0.9%
NaCl) and 1- and 10-mL pipets.

Preparation of the control plates

A small sample of spent water can be used (e.g.,
the effluent of a wastewater treatment plant). Dilute
I mL of this sample to 1/10, 1/100, and 1/1000 by
using the screw cap tubes in the following way:

* Add 9 mL of sterile saline solution to each tube.

* Add 1 mL of the sample to the first tube. Mix thor-
oughly. This is a 107! dilution. Transfer 1 mL of
this solution to the second tube and repeat the pro-
cedure to prepare two additional dilutions (1072
and 1073).

Use an aseptic technique when making serial di-
lutions and plating.

Always use a clean, sterile pipet for all transfers.

Preparation of the samples

Prepare small Petri dishes in the following way for each of the proposed toxicants.

Petri dish no. 1 2 3 4 5 6 7 8 |9
Toxicant (conc.), Vol.
Sodium azide (2 mg/mL) (uL) 0 25 |50 {75 {100 125 {50 |75 100
Aseptic saline solution L) 100 |75 |50 (25 [0 75 |50 |25 |0
Diluted sample, 10~ (uL) 100 [100 |100 |100 |100 |- - - -
Diluted sample, 10~ (uL) |- - - - - 100 100 |100 [100
Nutrient agar medium (mL) {10 10 (10 {10 {10 (10 |10 |10 |10
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Petri dish no. 1 2 3 4 5 6 7 8 9 10 11

Toxicant (conc.), Vol.
K>Cr;07 (29.4 mg/ 10 mL =
0.02 mmol Cr*/mL) @L) |0 25 |50 |75 {100 [200 (25 |50 |75 {100 {200
Aseptic saline solution (uL) (200 | 175 (150 {125 |100 (O 175 {150 | 125 (100 |0
Diluted sample, 10~ (uL) | 100 {100 | 100 |100 |100 {100 |- - - - -
Diluted sample, 10~ (u) |- - - - - - 100 | 100 {100 ;100 {100
Nutrient agar medium (mL) |10 |10 10 (10 |10 |10 |10 (10 (10 |10 |10

Petridishno. |1 2 3 4 5 6 7 8 9 10 11
Texicant (conc.), Vol.
Cr0; (152 mg/10 mL =
0.02 mmol Cr’*/mL)  (uL) |0 25 |50 |75 {100 {200 |25 {50 |75 |100 |200
Aseptic saline solution (uL) (200 175 {150 |125 {100 |0 175 1150 }125 |100 {0
Diluted sample, 10°  (uL) [100 [100 [100 {100 |100 [100 |- - - - -
Diluted sample, 10  @L) |- [- |- |- [- |- 100 [100 |100 [100 |100
Nutrient agar medium (mL) [10 |10 (10 |10 |10 |10 |10 10 (10 10 }10

Prepare each Petri dish in duplicate.

» Reagents are added first and the agar is added
at 45°C, before it solidifies. Move with slow hori-
zontal movements to homogenize. Let the mixture

stand still for 20 minutes.
¢ Incubate at 30°C for 2448 h.

» Count the number of colonies in each plate.
Determine the number of colony forming units

(CFU)/mL in the control plates and in each
dilution (take the average of two or three
determinations).

Autoclave all Petri dishes when the experiment
is concluded to kill the isolated microorganisms
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Name Section Date

Instructor Partner

PRELABORATORY REPORT SHEET—EXPERIMENT 23

Objectives

Flow sheet of procedure

Waste containment and recycling procedure

PRELABORATORY QUESTIONS AND  Additional Related Projects
PROBLEMS
1. What is a colony forming unit and why is this

different from the number of bacteria present in a
sample?

¢ Instead of a sample of a wastewater treatment
plant effluent, any spent water may be used. It
is only necessary to establish the dilution range in
which the aerobic microorganisms may be plate-

2. The information on chromium (VI) given in the counted.

Introduction refers to the toxicity of this element o Test other toxicants. It is only necessary to estab-

to humans. Investigate why it is toxic to microor- lish the concentration in which the growth inhibi-

ganisms. Can this explanation be extrapolated to tion of the mixed culture can be evaluated.

humans?

3. To compare the toxicities of the different sub-

stances in this experiment, what variables should be

kept constant?
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Name Section Date

Instructor Partner

LABORATORY REPORT SHEET—EXPERIMENT 23

Number of CFU/mL in the control plate (plate 1) = Ny
Number of CFU/mL in each dilution plate = N,
Plot In Ny/N; vs toxicant concentration and compare the toxicity of each substance.

Z
-4
=
Toxicant concentration
POSTLABORATORY PROBLEMS Literature References
AND QUESTIONS Bitton, G.; Dotks, J. Toxicity Testing Using Microorgan-

1. Was the concentration of each substance adequate isms; CRC Press: Boca Raton, FL, 1986.

to observe its toxic effect?

2. Order the substances employed in this experiment
by their increasing toxic effect.

3. What interpretation can you give to the slope of
each curve obtained in your graph?

Student Comments and Suggestions



Experiment 24

Wastewater Disinfection

Reference Chapters: 10, 11

Objectives

After performing the experiment, the student shall
be able to:

¢ Evaluate the efficiency of different physical and
chemical disinfecting agents (sodium hypochlo-
rite, ozone, ultraviolet light, and titanium diox-
ide).

* Become familiar with the use of coliform counting
plates.

¢ Perform a kinetic analysis on the rate of coliform
inactivation that each agent causes.

Introduction

Disinfection is the selective destruction of patho-
genic organisms, whereas sterilization implies the
complete destruction of all microorganisms. Disin-
fection is used during wastewater treatment in order
to reduce pathogens to an acceptable level, which
helps in the control of diseases caused by contam-
inated water and food-stuffs by bacteria and other
microorganisms.

Methods used for wastewater treatment may be
physical (e.g., heat), chemical (e.g., chlorine and its
derivates, ozone, hydrogen peroxide, and colloidal
silver), mechanical (e.g., sedimentation and filtra-
tion), or radiative (e.g., electromagnetic and acous-
tic). The efficiency of a disinfecting agent depends
on several variables such as the contact time with
pathogens in the sample, their concentration, tem-
perature, number, and the nature of the liquid in
which the pathogens are suspended. One of the main

variables is the contact time. In general, the longer
the contact time with a fixed concentration of disin-
fectant, the higher the mortality. First-order kinetics
is usually followed. This relationship is known as
the Chick equation:

aN kN, 1

Pl : ey
where N, = number of microorganisms at time ¢,
and k = constant (in s™!). If Ny is the number of
microorganism at ¢t = 0, the integrated equation is:

In — = —kt 2)

It is common to find deviations from first-order
kinetics caused by the resistance of subpopula-
tions (within a mixed population) to the disinfecting
agent or to the presence of protecting factors in the
medium, both of which interfere with pathogen de-
struction. This effect can be evaluated by assuming
that the mortality rate under different conditions fol-
lows the relationship:

In— = —kt™ 3)

where m is a constant. If m < 1, the mortality rate
decreases with time, while if m > 1, it increases
with time. The value of m can be determined by
plotting the equation:

N
log (— In —t> =logk +mlogt 4)
Ny

A brief overview of the disinfectants that will be
used in this experiment is now given. More extensive
discussions are given in Chapter 10.
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Hypochlorite

When chlorine gas is dissolved in water it reacts as
follows:

Clyg + H0g - HOC1 + H* + CI™
HOC1 — H* + OCI™

When sodium hypochlorite is used, the reaction is:
NaOCl 4+ H,04) - HOCl + NaOH

The HOCI/OCI™ ratio depends on pH. As discussed
in Chapter 10, the amount of chlorine present in the
sample is the available free chlorine. Hypochlor-
ous acid is a better disinfectant agent than its anion.
Pathogenic bacteria are easily attacked, although re-
sistance increases in the order: vegetative bacteria
< protozoan cysts < helminth eggs.

The presence of compounds that react with chlo-
rine boosts the required quantity for adequate disin-
fection. In addition, toxic secondary products can be
formed, and therefore new disinfectants have been
developed.

Ozone

Ozone is an unstable gas that decomposes rapidly
to form oxygen. As a result, it is synthesized in situ.
Its production methods are reviewed in Chapter 10.
This disinfecting agent inactivates pathogens, ox-
idizes Fe(Il) and manganese (II) ions, combats
wastewater odors and color, and oxidizes refractory
organics and trihalomethanes. Its efficiency is not
influenced by pH and does not interfere with ammo-
nia. In general it does not leave residual compounds
in water.

Ozone is a better oxidizing agent than chlorine;
its minimum concentration is 0.1 mg/L for bacteria
inactivation and 0.5 g/L for protozoan cysts under
appropriate exposure times. Its disinfecting action
is due to the production of free radicals, which
affect cellular permeability, enzymatic activity and
the DNA.

Ultraviolet Light

Ultraviolet radiation is an efficient bactericide and
virucide, as it reacts with DNA at 260 nm, al-
though the time for treatment depends on the type
of microorganism present. Low-pressure mercury

24. Wastewater Disinfection

arc lamps are typically used, as they generate 85%
monochromatic radiation at 253.7 nm, which is
within the optimum range for germicide action.

Suspended particles and colored substances may
interfere with the process; that is why UV dis-
infection is especially useful for the treatment of
potable water. It has the advantage that it does not
form toxic secondary products. Challenges include
a practical difficulty for the determination of the
optimum dose; the lamps require constant mainte-
nance, and its cost is higher than that of a chlorine
treatment.

Titanium dioxide +UV

Catalytic disinfection is a modern alternative that
involves the use of water-soluble or water-suspen-
dable sensitizers to generate transient oxygen
species.

Solar radiation promotes coliform and virus pho-
tocatalytic disinfection. This involves oxidizing re-
actions in which electron removal and the generation
of hydroxyl radicals attack biological molecules at
rates controlled by their diffusion through the walls
and membranes of microorganisms.

In the present experiment, the disinfection treat-
ments discussed above are applied to wastewater
samples containing mixed populations of microor-
ganisms, and the surviving colonies are counted.

Experimental Procedure

Estimated time to complete the experiment: 3 h the
Jirst day and 30 min after 24—48 h.

Materials Reagents

4 10-mL beakers wastewater sample

3 20-mL beakers 4.5 ppm NaOCl

10 screw cap test tubes TiO,

20 sterile Petri dishes, 60 x coliform counting plates or
15 mm (if McConkey agar McConkey agar medium
is used) Saline isotonic solution,

Chronometer (NaCl10.9%)

10 sterilized 1-mL pipets
Commercial ozonizer
UV lamp

Incubator

Test tube rack
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When doing microbiological laboratory work,
the following rules must be followed:

1. Use a protective garment (e.g., a lab coat).

2. Never eat or drink in the laboratory, and avoid
placing objects in your mouth.

3. Always wash your hands before leaving the
lab.

4. If you spill living organisms, cover the spilled
material with paper towels and pour a labora-
tory disinfectant over the towels and the entire
contaminated area. Wait 15 min before you
clean it up.

After fixed time intervals of exposure to a given
disinfection agent, 1-mL wastewater aliquots are
spread on coliform plaques (e.g., 3M Petrifilm™).
The use of these plaques avoids the preparation
of a sterilized culture medium specific for col-
iform microorganisms. (Instead of the plaques,
McConkey agar medium can be used and sterilized
according to the manufacturer instructions, and
Petri dishes prepared). McConkey agar contains
crystal violet, which is inhibitory to Gram-positive
bacteria, and allows the isolation of Gram-negative
bacteria. Incorporation of the carbohydrate lactose,
bile salts, and the pH indicator neutral red permits
differentiation of enteric bacteria on the basis of
their ability to ferment lactose. Coliform bacilli
produce acid as a result of lactose fermentation and
exhibit a red coloration).

The plaques are incubated for 24 hours at 37°C,
and the resulting red-colored colonies are counted.
There should be fewer than 50 colonies per plaque;
if not, dilute the samples before spreading them onto
the plaques. If dilution is necessary prepare a dilu-
tion series as follows:

1. Take 1 mL of the sample and mix with 9 mL of
saline solution in a sterile screw cap test tube;
mix thoroughly to have a 10~! dilution.

2. Transfer 1 mL of the 107! dilution to another test
tube containing 9 mL of the saline solution, using
a sterile pipet and repeat the step in order to have
1072 and 1073 dilutions. Mix thoroughly.

Use an aseptic technique when making serial
dilutions and plating. Always use a clean, sterile
pipet for all transfers.
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Hypochlorite Treatment

Take five 5-mL wastewater samples in 10-mL
beakers. Add 1 mL of a 4.5 ppm NaOCl solution
to beakers 2, 3, 4, and 5. Make sure that the final
concentration of NaOCl is less than 2 ppm. Stir at
constant speed. Take a 1-mL aliquot from beaker
1 at time O (this is the control), a similar aliquot
from beaker 2 after 5 min, another aliquot from
beaker 3 after 10 min, and so on up to 20 min. Place
each aliquot on a plaque, incubate, and count the
red colonies as described above. If Petri dishes with
McConkey agar were used, a 0.1 mL aliquot of each
dilution can be used.

Ozone Treatment

Take a 10-mL wastewater sample in a 20-mL beaker.
A commercial ozonizer with a porous filter can be
used to deliver small ozone bubbles to each sam-
ple. (For instance, one can use a BIOZON FAGOR
ozonizer that produces 4 mg of O3/min). Take a 1-
mL aliquot from the beaker after 0, 30, 90 and 180
s, and place each aliquot on a plaque. Incubate and
count as described above.

UV Treatment

Take a 10-mL wastewater sample in a 20-mL beaker
and place it in a dark compartment. Irradiate the
sample with a 254-nm, 9-W lamp placed at 12 cm
above it. Stir at constant speed. Take a 1-mL aliquot
from the beaker after 0, 60, 150, and 240 s, and
place each aliquot on a plaque. Incubate and count
as described above.

TiO, + UV Treatment

Take a 10-mL wastewater sample in a 20-mL beaker
and add 20 mg of TiO, (the anatase phase) to form a
suspension. Stir at a constant speed. Place the exper-
imental set-up in a dark compartment. Irradiate the
sample with a 254-nm, 9-W lamp placed at 12 cm
above it. Take a 1-mL aliquot from the beaker after
0, 120, 300, and 480 s, and place each aliquot on a
plaque. Incubate and count as described above.

Autoclave all Petri dishes when the experi-
ment is concluded to kill the isolated microor-
ganisms.
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Name

Instructor.

Section

24. Wastewater Disinfection

Date

Partner

PRELABORATORY REPORT SHEET—EXPERIMENT 24

Objectives

Flow sheet of procedure

Waste containment and recycling procedure

PRELABORATORY QUESTIONS AND
PROBLEMS

1.

2.

What is the difference between disinfection and
sterilization?

What does the constant k in the integrated form
of the Chick equation represent?

. What does available free chlorine mean?
. The chlorine disinfection treatment uses a 4.5

ppm NaOCl solution. It can be prepared from
a 4-5% commercial solution. Assuming that
this last concentration is 4.5%, indicate the
amount of the commercial solution that must be

diluted in order to prepare 5 mL of a 4.5 ppm
solution.

. How does the disinfection mechanism differ

when uvsing ultraviolet radiation alone vs using
this radiation with titanium oxide?

ADDITIONAL RELATED PROJECT

¢ Use the same methodology as in this experiment

to evaluate the dependence of microorganism dis-
infection rate with the disinfectant or photocata-
lyst concentration, light intensity, temperature, or
other variables that may affect this process.
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Name Section Date

Instructor. Partner.

LABORATORY REPORT SHEET—EXPERIMENT 24

a) Count the number of colony-forming units (CFUs) on each plaque and fill the following
table.

Time,s | N Ne | InN¢/No |log (-In Ny/No)

Hypochlorite

Ozone

TiO,+ UV
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b) Plot In N, /Ny vs t.

In Ni/N,

POSTLABORATORY PROBLEMS
AND QUESTIONS

1. Does any disinfectant in this experiment display
first-order kinetics?

2. Is the value of m for any disinfectant in this ex-
periment significantly different than the others?
If so, what can this mean?

3. According to the results of your experiment,
which is the best disinfecting agent for the sam-
ple used?

Student Comments and Suggestions

24. Wastewater Disinfection

¢) Plot log(— In N, /Ny) vs log t.

log (-In N¢/Ny)

logt,s
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