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The value of work in the laboratory
In chemistry, and all sciences, knowledge is gathered by applying the scientific method.
Data are collected and concepts and hypotheses are tested by experimentation. The
laboratory component of CHE1031, General Chemistry I, allows students to experience,
firsthand, the types of experiments and calculations performed by chemists and to learn
about the nature of scientific inquiry.
Science is the systematic study of the natural world. Scientists, chemists included, use
curiosity, observation, critical thinking and the scientific method to ask and answer
questions and advance our understanding. This semester’s lab exercises use the scientific
method to reinforce conceptual material introduced in lecture with hands-on experience
and exploration.

CHE1031 lab combines at least four ‘long-form’ labs with group-lab exercises. In traditional,
long-form, labs pairs of students complete a comprehensive lab exercise and submit mem0style lab reports. In group-lab exercises, pairs of students will collect data that will be shared
with data collected by the entire lab section; reports will be minimal. In group-lab exercises,
some lab time will be spent on problems sets that link the lab exercise to material covered in
lecture.
The learning objectives of CHE1031 lab exercises all serve the course’s overall goals of
learning and applying quantitative, qualitative, computational, reasoning and critical
thinking skills.
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Mis-en-place: a model for organization & efficiency in the lab
Mis-en-place is a French phrase that translates as ‘put in place’ but is used to mean gather
and arrange the ingredients and tools needed for cooking. However, for professional chef
mis-en-place means more: a
philosophy or mindset and way or
working and living. Like scientists,
kitchen professionals need to
coordinate the work of many hands
with complicated procedures in
order to produce hundreds of
incredible meals at each service
with both precision and accuracy.

https://cookingandadulthood.wordpress.com/2011/11/04/10/

“I know people that have it tattooed on them. It really is a way of life… it’s a way of
concentrating your mind to only focus on the aspects that you need to be working on at the
moment, to kind of rid yourself of distractions.”
- Melissa Gray, student at the CIA (Culinary Institute of America)
Chefs may do six hours of prep for a single three-hour shift. And that prep allows the chef
too successfully and simultaneously prepare complicated dishes in an hectic and stressful
kitchen while listening for the next order and plating up dishes that are ready to go. Mis-enplace philosophy also holds that slowing down to do quality work saves time in the long run.
“I always say, ‘Look, I’d rather you take the extra minute or two and slow up service to
get it right.’ Because the one minute behind that you are right now is going to become
six minutes behind because we’re going to have to redo the plate.”
- Bill Telepan, chef/owner or Telepan
When lab partners take the time to read the lab material, work on the pre-lab quiz, set up
data and results tables in lab notebooks and lay out responsibilities ahead of time, lab work
goes smoothly, reports are a breeze and chemistry is fun.
“Practiced at its highest level, mis-en-place says that time is precious. Resources are
precious. Space is precious. Your self-respect and the respect of others are precious. Use
them wisely. Isn’t that a philosophy for our time?” – Dan Charnas, NPR
Source: Dan Charnas (2014) For a more ordered life, organize like a chef, NPR
www.npr.org/sections/thesalt/2014/08/11/338850081/for-a-more-ordered-life-organize-like-a-chef
4

The scientific method, experimental and computational methods
Reminder about the scientific method
The scientific method (Figure 1) is a set of steps scientists take to determine how the world
works. The method begins with observation of an interesting phenomenon or happening.
After looking for patters in these observations scientists formulate a hypothesis, a tentative
and educated guess about the how or why the phenomenon occurs. A good hypothesis
must be testable by experimentation. If repeated and independent experiments, preferably
performed using a variety of techniques, supply lots of data (information) that supports the
hypothesis then the hypothesis becomes a theory. A theory is a hypothesis that is supported
by a large quantity of data that many scientists agree upon. If the data does not support the
hypothesis then the scientist must form another hypothesis and repeat the process. The
scientific method is iterative: it is repeated until success is achieved. This is why science
requires patience!
The scien;ﬁc method
observe a
phenomenon
form a
hypothesis
conduct
experiments

assess results?

itera,ve

none

support

It’s a theory!

Figure 1: Diagram of the scientific method
It’s important to note that while it’s easy to disprove a hypothesis it’s not actually possible
to prove a hypothesis to be absolutely true. For example, for centuries the European
establishment believed that swans were white. Every swan that had ever been seen in and
around Europe was white. However, when Europeans emigrated to Australia they found
that Australian swans were black. We can never access all data, so we say that theories are
established, but not proven.
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The critical difference between data & results
Data are observations you make by eye while in the lab. Data include visual observations and
readings taken from instruments. All numbers that you record directly, without doing math,
are data. In a data table, trials can be recorded in adjacent columns: trial 1, trial 2, etc.,. Each
piece of data can be recorded in its own row. To create a complete data table, simple read
through your protocol and create one row label for each piece of data, observations
included, that you are told to record. Include the units in that row label: mass (g).
Results are numbers calculated from data; the result of any type of mathematical operation.
To create a results table, read through the calculations section and create a row label
corresponding to each value you need to calculate: volume dispensed (mL). Don’t forget to
include means and standard deviations where they are required.
Data and results should be recorded and reported separately (Figure 2). The easiest way to
do this is to create one (or more) table for data collection and one (or more) results table in
your lab notebook. I like to place data and results tables on opposing pages of the
notebook, data to the left and calculations on the right; look at the data, punch numbers
into your calculator, and record the result on the opposing page. Simple and efficient! See
page 11 of this manual for more on how to use your lab notebook to best effect.
DATA
mass (g)
volume (mL)

Trial 1
10.20
10.10

Trial 2
9.99
9.80

Trial 3
10.05
10.02

RESULTS
density (g/mL)

Trial 1
1.01

Trial 2
1.02

Trial 3 mean
1.00
1.01

SD
0.008

Figure 2: Data and results tables
Making measurements and recording data
A scientist’s work and results is only as good as her data and the quality of data is
determined by the quality of her instruments and how well she uses them. Most data have
two essential components: numbers, or values; and the unit of measurement. The
International System of Units (SI units, aka metric system) are used in laboratory sciences.
Table I shows the SI units used in introductory chemistry labs. The metric system is based
upon "factors of ten". Metric prefixes represent factors or multiples of ten. Table II lists
some of the most commonly used metric prefixes.
Table I: Common units of measurement in chemistry
Quantity
Metric Unit
Symbol
Instrument(s)
Energy
Joule
J
Calorimeter
Length
Meter
m
Meterstick
Mass
Gram
g
Balance (analytical)
Time
Second
s
Stopwatch/ clock
Temperature Degree Celsius
C
Thermometer
Volume
Liter
L
Pipet, graduated cylinder
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Table II: Examples of Common Metric Prefixes
Decimal
Exponent
Prefix
Symbol multiplier
multiplier
kilok
1000
103
centic
0.01
12-2
millim
0.001
10-3
micronano-

u
n

0.0000001
0.000000001

10-6
10-9

Example
2.2 kj = 2.2 x 103 J = 2200 J
1.5 cm = 1.5 x 10-2 m = 0.015 m
3.6 mg = 3.6 x 10-3 g = 0.0036 g
2.7 ul = 2.7 x 10-6 L = 0.0000027 L
8.3 ns = 8.3-9 s = 0.0000000083 s

Using Instruments and collecting data
The markings (or “graduations”) of an instrument determine the quality of the data we can
collect using that instrument. For example, have a look at the ruler shown in Figure 3. The
ruler is divided in to major divisions (centimeters) and minor divisions (millimeters). Each of
these markings is a graduation. The smallest graduation, called the least count, is 0.1 cm.
What happens if a measurement falls in between these divisions? It is possible to estimate
distances between the smaller millimeter divisions, but with uncertainty. Looking at the
ruler, the arrow is pointing to a measurement between 6.8 and 6.9 centimeters. I would
estimate the value at 6.84 cm. The first two digits (6.8) are more certain than the last (the 4)
that is called the digit of uncertainty and is an estimate that may differ depending on who
makes it. My estimate should be recorded and reported as 6.84 + 0.05 cm. This tells the
reader that I estimated the last digit and that my estimate could be 0.05 cm low or 0.05 cm
high. The uncertainty, the +, is recorded as half of the value of the instrument’s least count.
In this case, the uncertainty as half of a tenth of a cm, 0.05 cm.
Figure 3: Calibration or graduation of a ruler

Each instrument in our lab has a specific number of graduations. Table III gives some
examples and shows how data from these instruments should be reported.
Table III: Examples of instruments
Instrument
Analytical balance
100-mL graduated cylinder
10-mL graduated cylinder
50-mL burette

units
mass in grams
volume in mL
volume in mL
volume in mL

least count
4
1
0.1
0.1

example
4.124 + 0.01 g
50.2 + 0.5 mL
5.67 + 0.05 mL
21.56 + 0.05 mL

Our balances are digital, so the uncertainty is shown as + the least count. Balances can be
tared to subtract the mass of weigh paper or glassware used to contain samples. Hit the
“zero” button to tare the balance with a container on the pan. Be sure that your balance is
set to express mass in grams (g) rather than other units.
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Using the right glassware
A variety of glassware can be used to measure the volumes of liquids. Beakers and
Erlenmeyer flasks cannot be used to measure volumes accurately. Their calibration marks
are very crude and notoriously inaccurate. Graduated cylinders can be used to measure
volumes with some accuracy and can be read one digit beyond their calibrations. Pipettes
are generally more accurate than cylinders because volumes contained in pipettes are more
easily controlled and calibrations are finer. Pipettes come in graduated or volumetric forms.
Graduated pipettes can be used to remove and dispense any volume, while volumetric
pipettes are designed for a single fixed volume like 5.0 mL. The volume of liquid in any of
these instruments is measured by comparing the liquid’s meniscus (or upward curving
surface) with calibration marks (Figure 4). If the bottom of the meniscus lines up EXACTLY
with a calibration mark one-tenth of an mL above 10, the volume is read as 10.10 + 0.05 with
an uncertainty of half of the instrument’s least count. This tells the reader that you were
least certain about the last digit (hundredths of an mL) because you were estimating a
reading between calibrations. If the meniscus had fallen between two of the tenths
markings you’d estimate the volume, perhaps 10.13 + 0.05, if you’d thought the meniscus fell
one-third of the way between 10.1 and 10.2. Placing a white or dark piece of paper (or object)
behind the glass instrument may clarify the position of the meniscus and the calibration
marks. Describing the uncertainty of data by including the + value is critical.

10.2
mL
10.1
10.
0
Figure 4: Measure
at the meniscus
Describing the precision & accuracy of sets of data & results
We know that measurements taken in a lab by human beings are never exact because
people don’t read always instruments precisely and because instruments have limited
accuracy.
Precision is a description of how close multiple measurements of a single parameter are to
one another. When repeated measurements of one parameter are extremely close to one
another with very little deviation, they have a high degree of precision. When values show a
large degree of variance and are not closely grouped, they have a low degree of precision.
Precision reflects a scientist’s patience, technique and experience. As you gain experience
during this semester, the precision of your data should improve. You are responsible for the
precision of your data.
Accuracy tells us how close experimentally determined values are to known reference
values. Accuracy is affected by systematic errors that may result from equipment or from
laboratory technique.
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The graph shown in Figure 5 illustrates the concepts of precision and accuracy. Four groups
were asked to measure the density of water five times, and the results are plotted on the
graph. The results calculated by the group one are close to one another and are also close in
value to the known density of water (1.00 g/mL) and therefore have both good precision and
good accuracy. Group two has an average density that is close to the actual density and
thus has good accuracy, but their precision is poor because their results are not grouped
tightly together (likely due to a random error). Group three’s results that are all close
together so their precision is good, but since their average density is lower than it should be,
their accuracy is low (likely due to systematic error). Group four has an average density
value that is not close to the actual value and their measurements are not close together
and therefore both their precision and accuracy are poor. Group four's results suggest both
random and systematic errors.

Figure 5: accuracy vs. precision
So how does a scientist express precision and accuracy to her reader? Three methods used
by engineers and scientists are described here. The first, percent error, compares
experimental data or results with a known or accepted reference values as a measure of
accuracy.
1. Percent error describes how close an experimental measurement is to a known and
accepted value. How close did your results come to those accepted?
Percent error = (experimental value – accepted value) (100)
accepted value
So if a student gets 85 out of 100 points on an exam her percent error is 15%.
2. Percent difference is used to describe the precision of data or results when there is no
accepted value available for comparison. How close are your repeated measurements to
one another?
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Percent difference = (largest value – smallest value) (100)
(average value)
So if a student measures the mass of three similar objects as 10, 20 & 30 grams, percent
error is 100%, and the student’s data certainly can’t be considered precise. If her colleague’s
data set is 19, 20 & 21 grams, her percent error will be 10%, so her data is obviously more
precise.
3. Mean and standard deviation are measures of precision more commonly used by
scientists than engineers, and are used to describe the average value of a data set and the
deviation of each datum from the average.

∑ xi
mean = x =
n

∑(x − x i ) 2
SD =
n −1

Where: x bar is the mean; the Greek sigma (E-like) means sum; xi is an individual value x; and
n is the number of values of x in the data set. In other words, sum all values of x and then
€ set.
divide by€the number of x values in the
In Excel, the mean of the values in cells a1, a2 and a3 is calculated using the formula,
“=average(a1:a3).
In Excel, the standard deviation (SD) of values in cells a1, a2 and a3 is calculated as,
“=stdev(a1:a3)”.
To illustrate how means and standard deviation are used, let’s calculate the mean & SD of
the two data sets from the previous example.
Set A: 10, 20, 30
Mean = (10 + 20 + 30)/3 = 20
SD = sq. root (((20 - 10)2 + (20 - 20)2 + (20 – 30)2)/(3-1))) = sq. root (200/2) = 10
Set B: 19, 20, 21
Mean = (19 + 20 + 21)/3 = 20
SD = sq. root (((20 – 19)2 + (20 – 20)2 + (20 – 21)2)/(3-1))) = sq. root (2/2) = 1
So, the examples demonstrate that while sets A & B have identical mean values, set B has
less variation among it’s three values than set B. Scientists & engineers would prefer set B
since it is more precise.
Significant digits (aka significant figures)
No matter how complicated, sophisticated and awesome the instrument, or how well
trained and experienced the scientist, there will always be some degree of uncertainty in
measurement. When several pieces of data are used to calculate a result, that result is no
more precise or accurate than the least precise and accurate data value used in its
calculation. Significant digits reflect this limitation: a value’s significant digits are limited by
the least precise value used in the calculation of the value. This will be important when
considering the correct amount of significant figures to include in a result. Proper use of
significant digits is an important aspect of reporting data and results.
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Which digits are significant? Well, all non-zero digits are significant, but only some zeros are
significant.
•
•
•

Leading zeros, those that occur before a non-zero digit, are never significant. So, the
number 0.0012 has only two significant digits.
Trapped zeros, those occurring between non-zero digits, are always significant. So, 2009
has four significant digits.
Trailing zeros, those that follow non-zero digits are significant only if the number has a
decimal point. So 3500 has only two significant digits, while 3500.0 has five significant
digits.

Calculation impacts the number of significant digits in a result and the rules are different for
multiplication and division vs. addition and subtraction. For multiplication and division, the
result has no more significant digits than the input number with the least significant digits.
So, there are only two significant digits when 1.2 is multiplied by 3.456: 1.2 x 3.456 = 4.1472.
But for addition and subtraction, only the number of digits following the decimal is limited
by the input number with the least number of digits following the decimal. So, there is only
one digit after the decimal when 1.2 is added to 3.456: 1.2 + 3.456 = 4.656. When the number
of significant digits in an answer is limited the result must be rounded. Most scientist round
down below 5 but up at or above 5. The most critical thing about rounding is consistency.
Always round using the same rule rather than rounding for the most pleasing answer.
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Using a lab notebook to speed, organize & optimize your lab work
CHE1031 students are required to purchase sewn-binding lab notebooks (aka composition
books) for lab. These come with blank, ruled or quad (grid) pages. Amazon offers a great
notebook that includes a periodic table and conversion factors: LINK. Notebooks will be
collected just before our second break (Thanksgiving or April) and will be graded as part of
your lab grade.
Students who take the suggestions outlined here generally do quite well in lab.
1. Read through the assigned lab before your lab section meets.
2. While reading, complete the pre-lab quiz. Ask questions in during the introduction.
3. Once you’ve read through the lab, open your notebook to two fresh pages and create
custom tables in which to collect data and record results (see Figure 1 below).
a. Data is any piece of data you record with an instrument or your eyes without using
math. Set up a data table on the left-hand page.
i. The data table should have a column for row labels and one column for each trial.
You may add columns for mean & standard deviation values.
ii. Read through the lab protocol. Anything that you are asked to measure or
observe becomes a row label. The row label should include units. For example:
“mass of marble (g)”.
iii. You like to create one large table for the whole lab, while others prefer to make a
table for each section of the lab.
b. Results are values calculated from data using math. Set up a results table on the
facing right-hand page.
i. Again, each trail should have a column and you may want to add columns for
means and standard deviations.
ii. Read through the calculations section of the lab handout. Each value you are
asked to calculate becomes a row header and should include units. For example,
3

“density of marble (g/cm ).
iii. It’s easiest to create a results table for each data table.
2"

Data$

Results$

3"

Figure 1: Setting up your lab notebook
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Writing a short memo-style lab report
TO: Reader’s name & job title
FROM: Your name, job title
LAB PARTNER: His or her name
DATE: Due date or date turned in
SUBJECT: Topic of the lab - think of this as a title
Hypothesis: What is your hypothesis? What are these experiments designed to prove or
disprove?
Summary of experimental findings: One or two sentences that tell me whether you achieved
your goal of proving or disproving the hypothesis. You can cite your most important results
here very briefly. Note that it’s harder to be concise than to ramble on, so this will take some
effort.
Procedures: Summarize how you did the experiment in one or more paragraphs. Do not use a
list or bullet format. Remember that you are writing a brief summary report for a client, and
NOT writing a long and detailed lab manual. Be concise, and think about what you’d need to tell
an experienced chemist or one of last year’s students to allow them to do the same type of
experiment. The trick is to be both concise and precise. Ask yourself whether the size of the
beaker was critically important? Was the temperature critically important? What were the
“tricks” do getting the experiment to work?
Results: This is the meat of the report and often the longest section. Present all results, both
yours and your lab partner’s, using tables and graphs. Tables and graphs should have titles,
should be well organized and clearly labeled. Be sure to add a 2-3 sentence WRITTEN summary
of results presented in tables and graphs that would explain the “story” told by the numbers.
Think about how you’d tell the story to someone who couldn’t see your tables and graphs.
Note that results do NOT include raw data, but only calculated results, averages, standard
deviations, etc. Raw data should be included as an attachment. I’ll review the attached data
tables if your results are odd or unexpected
Discussion: Here is your chance to “spin” your results, influence the reader’s opinion and
explain unexpected or erroneous results. Some questions to consider when writing this section
follow here. Were your results similar to those of other groups? Where results what you
expected? Why or why not? Think about errors that were beyond your control, and think about
how you could have improved the experiment or your performance.
Attachments: Note that all attachments should be clearly labeled and concise, and should refer
to related sections of the memo.
1) Raw data presented in tables – all data must be presented
2) Sample calculations – only one example of each type of calculation
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Pointers for getting a great grade:
• Write the memo in the past tense.
• Mention or explain calculations.
• Mention how you could improve the experiment.
• Discuss error and its sources.
• Provide a written summary of your results.
• Be sure to attach raw data and sample calculations as attachments.

** Note that a great example of a mem0-style lab report is posted on the main CHE1031 web
page: richmond-hall.weebly.com/che-1031.html
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Laboratory safety training
Experimental chemistry is inherently dangerous. However, hazards can be reduced if the
scientist is aware of the nature of the materials being used and uses careful technique,
thinking steps through before performing them. The best protection against accidents is
provided by gathering information, organizing equipment and time, being mentally present
and taking care. The following rules must be observed when working at lab benches. Failure
to comply may result in your expulsion from lab and a grade of zero for that session’s work.
Rules for working in the chemistry laboratory:
1. Eye protection and PPEs: When any chemicals are in use at a lab station or bench, lab
glasses must be worn by students at that station at all times. Students found not
wearing their lab glasses will be excused from the lab and will receive a grade of zero for
that experiment. Lab glasses may be removed once all chemicals are removed, glassware
is washed and placed in drying racks, and students have wiped down the lab bench with
water. Other PPE (gloves, and / or lab coat) may be required for some experiments and
the instructor will let you know you if they are required.
2. If a chemical gets in your eyes, in your mouth or on your skin, immediately flush the
affected area with plenty of cold water. Use the eye wash if your eyes are affected and
the shower if significant areas of your clothing and skin have been contaminated with a
chemical. Report all injuries and accidents, no matter how minor, to the lab instructor and
follow her instructions.
3. Eating, drinking, smoking and chewing gum are absolutely forbidden in the lab at all
times due to the danger of ingesting toxic chemicals. If you need to take a break, ask the
instructor and take your bag out of the lab to have a drink or to eat a snack.
4. Read the labels on reagent bottles carefully. Be sure that you know what chemical and
what concentration you need. If you are not certain, please ask the instructor.
5. For reactions involving toxic vapors, use the fume hood. And if chemicals are provided in
the hoods, do not remove them from the hoods.
Safety Information
Many chemicals are hazardous due to properties such as flammability, corrosivity, reactivity
or toxicity. In order to protect yourself from the chemicals you use in the chemistry
laboratory, it is important to understand and be aware of these hazards. In addition,
essentially all chemicals are regulated by various government agencies as hazardous
materials. SDS sheets provide safety information and we will review SDS sheets for all
chemicals used in our lab exercises are available in the course SDS library: Richmondhall.weebly.com/sds-library.html.
Following the Safety Training lecture you must complete and pass the Lab Safety Quiz in
order to continue with this class. You may take the quiz as many times as needed in order to
pass.
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LAB 1: A quick introduction to measurement
Background:
This very simple exercise is designed for semesters when labs are scheduled before class
rosters and student schedules have gelled. In this quick lab you will be introduced to the
chemistry lab, to a variety of equipment for measuring volume and mass, and to recording
data, doing simple calculations and recording results.
• A full lab report will not be required. Instead, you’ll turn in this completed worksheet.
• We’ll discuss how to use the each instrument and how to record the proper number of
significant figures for each instrument.
• Safety glasses are required for this lab, as for all work in the lab this semester.
Learning objectives:
• Understanding the difference between accuracy and precision;
• Understanding the difference between data and results;
• Learning to use rudimentary statistics: mean vs. standard deviation;
• Experiencing how instruments affect the precision and accuracy of measurements; and
• Learning to communicate with lab partners and to record data and results.
Safety information: Water is harmless, but please wear lab safety glasses while you have
experimental equipment on your lab bench.
Materials:
Chemicals:
Tap water

Equipment:
beakers, large & small
graduated cylinders: 10-, 25-, 50-, 100-, 500-mL
50-mL buret & stand
10- and 25-mL pipettes & roller
electronic balance & weigh boats
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Procedure:
Record your data in the tables provided at the end of this lab protocol.
Do three trials with each of these volumetric instruments:
•
•
•
•
•

Small beaker;
Small graduated cylinder;
Large graduated cylinder;
Pipette; and
Buret

1. Use a large beaker to collect some tap water and bring it back to your bench.
2. Weigh an empty weigh boat (Me) on the electronic balance. Record it’s mass to
hundredths of a gram and include the uncertainty.
3. Choose a volumetric instrument for your first experiment and record its type & size.
4. Use your volumetric instrument to measure out 10 mL of water as accurately as possible.
If necessary, record the initial (Vi) and final volumes (Vf) of your instrument. In any case,
record volumes the volume and uncertainty with attention to significant figures.
5. Transfer the water from your volumetric instrument to your weigh boat. Record the
mass of the full weigh boat (Mf) to hundredths of a gram and include the uncertainty.
6. Empty your weigh boat into the sink and flick it dry.
7. Weigh the empty weigh boat again and record this new empty mass.
8. Dispose of samples down the sink.
9. Repeat the procedure two more times so that you collect three trials worth of data for
your instrument.

Calculations:
Record your results in the tables provided starting on page 19 and show one example of
each type of calculation.
1. If necessary, calculate volume dispensed: Vw = Vf – Vi.
2. Calculate mass of water: Mw = Mf – Me.
3. Calculate density (ρ: the ratio of mass to volume): ρ = Mw / Vw.
4. Calculate mean density:

mean = x =

∑ xi
n

5. Calculate density’s standard deviation:

€

SD =

∑(x − x i ) 2
n −1
17

€

Student:
Partner:
Date:
INSTRUMENT:
DATA

Trial 1

Trial 2

Trial 3

RESULTS

Trial 1

Trial 2

Trial 3

Mean

SD

Mean

SD

SAMPLE CALCULATIONS:

INSTRUMENT:
DATA

Trial 1

Trial 2

Trial 3

RESULTS

Trial 1

Trial 2

Trial 3
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INSTRUMENT:
DATA

Trial 1

Trial 2

Trial 3

RESULTS

Trial 1

Trial 2

Trial 3

DATA

Trial 1

Trial 2

Trial 3

RESULTS

Trial 1

Trial 2

Trial 3

Mean

SD

Mean

SD

INSTRUMENT:
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INSTRUMENT:
DATA

Trial 1

Trial 2

Trial 3

RESULTS

Trial 1

Trial 2

Trial 3

DATA
Volume intial (ml)
Volume final (mL)
Empty boat (g)
Full boat (g)

Trial 1

Trial 2

Trial 3

RESULTS
Volume water (ml)
Mass water (g)
Mass/volume (g/mL)

Trial 1

Trial 2

Trial 3

Mean

SD

Mean

SD

INSTRUMENT:
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LAB 2: Separation of a mixture by physical properties
Background:
Mixtures are combinations of two or more substances whose ratio can vary. The substances
used to create a mixture can be either elements or compounds. Mixtures can be separated
using techniques that are chosen to isolate components based on their physical properties.
Use of physical properties allows a mixture’s components to be separated without change
of the components’ identities. In contrast, if the components of mixtures were separated
based on their chemical properties the components would be altered or changed. Physical
properties can be used to separate the components of either homogenous or
heterogeneous mixtures.
In this lab exercise, you will be given a mixture of sand and an unknown compound. You
have five goals:
1. Develop a hypothesis;
2. Choose a technique and write up a protocol to separate the components of the
mixture;
3. Execute the protocol to separate the components of the mixture;
4. Determine the percent composition of the components based on their masses; and
5. Determine the identity of the compound that was mixed with sand.
We’ve got a variety of glassware and other tools for you to use. So start with some
brainstorming and form a hypothesis. Then write out a step-by-step protocol for your
separation and quantitation. I’ll have a look and help you fine-tune your plan before you
begin.
Required results for today’s lab:
Your calculations will be somewhat dependent on the details of your protocol. However,
you should all end up with these results:
• Mass of sand;
• Mass of salt;
• Percentage of sand;
• Percentage of salt; and
• Mean and standard deviation of percentage of sand and salt.
Learning objectives:
• Understanding the definition of mixtures;
• Applying physical methods to the separation of a mixture;
• Understanding and application of the scientific method;
• Understanding of the difference between data and results; and
• Applying of measures of precision and accuracy.
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Instructions:
Reminder about the scientific method & hypotheses
The scientific method is a set of steps scientists take to determine how the world works.
When doing experiments researchers look for patterns in data. Scientists may then
formulate a hypothesis, a tentative, reasonable explanation of the facts or patterns
observed in lab. Once a hypothesis has been proposed it must be tested with further
experimentation to prove it true or false. If and when research and data prove the
hypothesis to be true, it becomes a theory, a “well-established explanation that has
withstood extensive testing.” This week’s lab will ask you to formulate and test a
hypothesis.
Your hypothesis?
Your hypothesis should explain why you believe your proposed separation technique will
work or is appropriate.
Your protocol?
Be sure to write out your protocol in a series of steps. Each step should be clear enough to
allow another student in class to execute it successfully. Often, it’s the small steps or details
that are the key to success. Be sure to number each step.

Refer to ‘The scientific method, experimental and computational methods’ on page 5 of
this manual to be sure you are recording data and results properly, and are calculating
mean and standard deviation properly.
Safety information:
This lab poses no significant hazards.
Disposal:
Liquids can be disposed of down the sinks and solids in the trash.
Please do your best to avoid getting sand in the sinks.
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LAB 3: Total, suspended and dissolved solids determination1
Background
Many civil and environmental engineers are engaged in monitoring and protecting water
quality. In science laboratories we often use distilled water: a pure substance of water
molecules with no contaminants. But in the real world what we call ‘water’ isn’t pure. Water
in even the cleanest, clearest stream contains dissolved minerals and salts and some small
biological material suspended in the water column. And that’s a good thing. Water in water
compromised, degraded or polluted water supplies contains higher levels of these materials
and other, sometimes toxic, materials. A first step in water quality assessment is
determination of solids in water supplies.
Solids may be present in water as suspended colloids (particles suspended in solution) or
dissolved in solution. Suspended colloids (aka total suspended solids or TSS) can be
separated from solutions by filtration and quantitated by evaporation and determination of
mass. Dissolved solids (aka total dissolved solids or TDS) pass through the filter and are
found in the filtrate. The filtered water is placed in an evaporating dish or beaker and the
water allowed to evaporate. The weight of the dish or beaker is found before and after the
evaporation and is used in the determination of TDS. The sum of TSS and TDS is called total
solids (TS).
Learning objectives:
•
•
•

Understanding the difference between pure substances and mixtures.
Applying separation techniques that use physical properties.
Applying simple quantitation and statistics.

Materials:
Chemicals:
flour
salt (table salt)
clay
tap water

1

Equipment:
electronic balance and weigh paper
0range-capped 1-L bottles
stir plates and large stir bars
evaporating dishes or beakers
squirt bottle of distilled water
low-temperature oven and thermometer
sidearm flasks and rubber flanges
funnel and fast-flow filter paper
vacuum filtration set up

Adapted from John Diebold (Vermont Tech CET) and Standard Methods of Water and Wastewater
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Part I: Total solids procedure:
1. Working in groups, choose and prepare a 1-L sample of one of the samples as directed
below. Weigh out each ingredient (choosing to tare or not). Transfer into a 1-L orangecapped bottle. Add water until the level of water in the bottle reaches the ‘indented’ line
at the top of the bottle. Add a large stir bar. Cap. Stir until the salt is dissolved.
% solids
0.525
0.875
2.625

flour (g)
1.00
1.25
1.50

salt (g)
4.00
7.00
24.00

clay (g)
0.25
0.50
0.75

total mass (g)
5.25
8.75
26.25

2. Weigh three empty evaporating dishes or beakers and record their masses exactly. Note
that if you are using evaporating dishes they must be pre-dried in the oven before they
are weighed as empty because these dishes aren’t completely glazed and will absorb
water.
3. Using a graduated cylinder, carefully measure 100 mL of each sample into an evaporating
dish or beaker. Mixtures should be stirring just before you pull your sample. Use a squirt
bottle of water to ‘chase’ all material out of you cylinder and into dish or beaker. Note
that the cylinder must be washed between samples. Each lab group will do three samples,
one at each solids concentration.
4. Place the samples in a low, 103ºC oven to dry overnight.
5. Record the dry mass of each evaporating dish or beaker and record the mass exactly.
Part II: Suspended solids procedure
1. Label filter paper with pencil, weigh the paper and record its mass exactly.
2. Place the filter paper in a funnel set into a side-arm flask and wet it with a squirt bottle to
persuade it to stay put.
3. Use in part I, a graduated cylinder to measure out 100 mL of stirred sample and record its
volume exactly.
4. Pour the mixture into the filter paper. Be sure not to fill over the paper. Use a squirt bottle
to ‘chase’ all of the mixture into the filter paper and be sure that none remains in the
cylinder.
5. Use the vacuum filtration set up to pull a vacuum to accelerate filtration.
6. Once the filtered solids are nearly dry, wash three times with 10 mL of water.
7. Place the nearly dry filter paper on a drying pan and allow to dry overnight at room
temperature. Weigh the dry filter paper with solids and record its mass exactly. Reserve
the filtrate for Part III of this lab.
Part III: Dissolved solids protocol
1. Weigh a dry evaporating dish or beaker and record its mass exactly.
2. Pour the filtrate from Part II into the dish or beaker.
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3. Evaporate and dry the dish or beaker in a low temperature (103ºC) oven overnight.
4. Weigh the dry dish or beaker and record its mass exactly.
Calculations:
Total solids
I. Calculate total solids (TS) after converting experimental masses from g to mg.
TS (mg/L) = (dry mass – empty mass)(1000)
sample volume (mL)
Total suspended solids
II. Calculate total suspended solids (TSS) after converting experimental masses from g to
mg.
TSS (mg/L) = (dry mass – empty mass)(1000)
sample volume (mL)
Total dissolved solids
III. Calculate total dissolved solids (TDS) after converting experimental masses from g to mg.
TDS (mg/L) = (dry mass – empty mass)(1000)
sample volume (mL)
Means and standard deviations
Using pooled data from your entire lab section, calculate mean and standard deviations for
TS, TSS and TDS.
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LAB 4: Identification by density – Coke or Diet Coke?
Background:
Density is a characteristic or intrinsic physical property of elements, compounds and other
substances. Density is defined as an object’s mass divided by its volume, expressed in units
of g/mL or g/cm3.
Density (r) = mass = g
volume mL
Density is often confused with weight or mass: “I’d rather have a ton or feathers dropped on
my head than a ton of steel!”. Wait a sec. A ton is a ton, and a ton of either feathers or steel
will kill you. However, a ton of feathers is going to take up much more volume than a ton of
steel because the density of feathers is far lower then the density of steel: 0.0025 g/mL vs.
7.5 - 8.0 g/mL.
The densities of gases, liquids and solids change with temperature and pressure. Generally,
density decreases slowly with increasing temperature, but increases with increasing
pressure. Density is an intrinsic property and a function of both mass and volume. Volume is
an extrinsic property and is dependent on temperature and pressure. Mass is also an
extensive property but is largely independent of temperature and pressure. In order to
determine the density of a material, both mass and volume must be accurately measured.
Mass is determined by weighing the sample on an analytical balance. Weight is an extrinsic
property, related to mass and influenced by gravity, but on earth the difference between
mass and weight is very small, and often ignored.
Read ‘The scientific method, experimental and computational methods’ on page 5 for
additional background before proceeding with this lab.
Learning objectives:
• To observe the difference in the densities of Coke Classic and Diet Coke;
• To experimentally determine the densities of both beverage using a variety of laboratory
glassware;
• To determine which beaker contains Coke Classic and which holds Diet Coke;
• To learn the fundamentals of laboratory measurement and simple statistics; and
• To determine how choice of equipment affects quality of data and results.
Safety information:
The materials in this lab do not pose any hazards but do not consume the soda!
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Materials:
Chemicals:
Coke & Diet Coke

Equipment:
beakers
graduated cylinders
buret & stand
pipette & roller
electronic balance & weight boats

Protocol:
NOTE: You can finish this lab more quickly if one lab partner deals with sample A while the
other uses sample B. Then, share data BEFORE either of you leaves and you’re done.
1. On the prep bench you’ll find flasks of soda labeled A & B. Use small beakers to collect
about 60 mL each of A & B, and grab two weigh boats as well. Use a blue or red sharpie
to label your beakers as A or B.
2. Zero (tare) a balance, weigh an empty weigh boat & record its mass exactly.
Buret:
3. Fill the buret with a soda sample. Record the initial volume (Vi). Use the buret to
dispense a volume of soda into the weigh boat. Use volumes of about 20.0, 25.0, 30.0 or
35.0 mL. Record the final volume in the buret after dispensing the soda (Vf).
Pipet:
3. Fill the pipet with a soda sample. Record the initial volume (Vi). Use the roller to
dispense the full volume of the pipet and record the final volume (Vf).
4. Weigh the full weigh boat & record its mass exactly. Recycle the soda for use in another
trial.
5. Repeat for three trials with each soda sample (A & B) and each instrument (buret &
pipet).
6. Pour excess soda back into flasks A & B on the prep bench. However, if you’re not sure
whether you have A or B, please pour it down the sink.
Rinse all glassware three times with water and set it on paper towels on your lab bench.
7. Get started on calculations.
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Calculations to be done for EACH trial:
1. Calculate the volume of soda (mL) dispensed: Vd = Vf – Vi.
2. Calculate the mass of the soda (g) dispensed by subtract the mass of the empty boat
from the mass of the full boat.
3. For each pair of mass and volume values, calculate density (g/mL), paying close attention
to significant digits.
4. For each set of three densities calculate a mean density (g/mL).
5. For each set of three densities calculate standard deviation of density (g/mL).
Graph your results:
• Use a bar graph.
• Plot four sets of mean densities: buret A; pipet A; buret B; and pipet B.
• Plot three density values for each data set: mean + SD; mean; mean – SD.
If the high and low values for each set don’t overlap the means may be significantly
different.
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LAB 5: Molar ratio of hydrated salts2
Background:
Most ionic compounds, or salts, tend to absorb water, or become hydrated. Water is
absorbed into the crystal lattice of the ionic salts, and water molecules surround the salt's
metal ions. This water is called the 'water of hydration'. When the metals involved are
transition metals, the hydrated and anhydrous (water-free) forms of the same compound
will have different colors. Why? When water molecules are present in the crystal lattice they
change, very slightly, the variable arrangement of energy levels of electrons in the metal
atoms. This, in turn, changes the wavelength of light absorbed by the metals, and thus their
color. Remember that color is a function of the wavelength of light.
You may have seen humidity indicators that change color to indicate the amount of water in
the air: blue when dry or pink when humid. These humidity indicators contain hydrated salts,
and the amount of 'water of hydration' is changed by environmental humidity. For example,
the natural mineral bieberite is CoSO4.7H2O. In other words, for every 'mole' of cobalt
sulfate (CoSO4) there are 7 'moles' of water trapped or absorbed in the salt's crystal lattice.
When solid CoSO4.7H2O is heated, these water molecules are released as water vapor, and
anhydrous (dry) cobalt sulfate salt remains.
CoSO4.7H2O (s) ---------------> CoSO4 (s) + 7H2O (g)
heat
∆
Solid anhydrous CoSO4 weighs less than its hydrated form, CoSO4.7H2O. And, the release of
water is accompanied by a change in color. Here, the hydrated salt is red-pink, while the
anhydrous salt is a dark blue. Salt color is sometimes, but not always, indicative of water
content. Loss of weight after heating is a more reliable clue about state of hydration than
color, as some hydrated salts are white before and after heating.
Today, you will be given these hydrated salts:
CuSO4.5H2O
copper (II) sulfate pentahydrate
Mg(SO4).7H2O
magnesium sulfate heptahydrate (aka Epom salts)
You will remove the water from your hydrated salt by applying heat with a Bunsen burner; a
process called dehydration. You will collect two types of data both before and after heating:
color of the salt, and mass of the salt. Mass will be used to determine the amount of water
lost during heating, and will allow you to confirm the molar ratio of salt to water for each
hydrated salt. You will need to calculate the molecular weight of each compound in order to
make your conclusions.

2

This laboratory exercise was developed by the Harvard University Undergraduate Labs, and adapted by Dr.
William Cleaver at UVM. Thanks also to Rob Michalow of the Sewickley Academy faculty. Also see Brown, p. 534,
Figure 13.8
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Learning objectives:
• Understanding and applying the concepts of moles, molecular weight and molar ratios;
• Understanding that hydration and dehydration of salts involves bond energy and heat;
• Relating molar ratios to molecular formulas; and
• Observing that dehydration changes the color of hydrated salts by altering electron
energy levels.
Safety information:
Copper (II) sulfate pentahydrate is an irritant to eyes an skin and is toxic. Avoid contact and
ingestion. Magnesium sulfate heptahydrate is an irritant to skin and eyes and will produce
diarrhea if ingested. Wear gloves when handling these salts and dispose of them in the
waste containers provided. Consult the SDS library for more information.
Materials
Chemicals:
CuSO4.5H2O
Mg(SO4).7H2O
distilled water

Equipment:
porcelain crucibles & tongs
Bunsen burner & flint ‘sparker’
ring stand
clay triangle
mortar and pestle
electronic balance

Protocol:
1. Set up a ring stand with a ring. Place a clay triangle over the ring if you are using a small
crucible. Be sure that there is room for your Bunsen burner under the ring, with 2-3
inches of clearance between flame and ring.
2. Connect the Bunsen burner to the gas outlet via the rubber tubing. Have the instructor
check and do not light the Bunsen burner without OK from the instructor.
Optimal flame height is ~1 inch; blue center of flame should be clear & sharply defined.
3. Dry the empty crucible by heating it over the flame. If the bottom glows red, it's too hot!
After 15 minutes of heating, use the crucible tongs to transfer the crucible to a clean and
dry area of your bench. The tongs should be used to firmly grasp the side of the crucible.
**Use caution. Hot crucibles look just like cold crucibles.**
While this first crucible is cooling, heat the second in order to save time.
4. After the crucible has cooled to room temperature, weigh it on an analytical balance.
5. Meanwhile (while cooling), place some salt crystals in a mortar & pestle and grind the salt
to a fine powder. Two volunteers can pulverize enough for the entire lab section.
6. Weigh out slightly more than 1 gram of each ground, hydrated salt using the analytical
balance. You will need two 1-gram samples of each salt.
7. Carefully transfer the powder to the crucible. Loss of powder throws results off.
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8. Heat the crucible very slowly and gently. if the salt:
o
o
o

turns brownish-black;
gives off a green gas; or
starts to bubble and boil, you are using too much heat!

9. Record all changes in color and appearance that occur as the compound is heated. One
compound exhibits several changes in color, since it forms a stable intermediate hydrate
before losing all its water. When you see dry colors stop heating. Using tongs, remove
the crucible from the heat and set it aside to cool.
10. After the crucible has cooled to room temperature, weigh it on an analytical balance to
get the mass of the dehydrated salt.
11. Place the crucible back on the heat for 5’. Remove, cool and weigh. If the mass has
decreased heat again. Continue heating and weighing until the mass remains constant.
12. Use your scoopula to transfer a small portion of the anhydrous salt to a test tube. Add
water with an eye-dropper or pipette and record your observations.
13. Scrape the remaining solid out of the crucible and into the appropriate (labeled) solid
waste container for collection and disposal.
14. Wash equipment with tap water at least three times. Clean up lab spaces & add you data
to the table on the board

Table I: Colors of hydrated & dehydrated salts
Salt
Hydrated Color
Dehydrated Color
MgSO47H2O
shiny white
dull crumbly white
CuSO45H2O
shiny blue dull green-grey white
CoCl26H2O
shiny maroon
dull sky blue

31

Calculations for each trial:
1. Calculate the molecular weights (g/mol) of your water, each dehydrated salt, and each
hydrated salt.
2. Calculate the mass (g) of anhydrous (dry) salt remaining in the crucible after heating.
mass of dry salt = mass of crucible after heating – mass of empty dry crucible
3. Calculate the mass (g) of water lost from the hydrated salt observed during the
experiment.
mass of water = mass of wet salt – mass of dry salt
4. Calculate the mass (g) of water loss expected based on the formula of the hydrated salt.

•
•

Calculate the percent of the hydrated salt’s mass that is water from the formulas.
Using the mass of wet salt and this percentage, calculate expected mass of water.

5. Calculate the moles of anhydrous salt in your sample remaining after heating.
moles = mass of dry salt / MW of dry salt
6. Calculate moles of water lost during heating.
moles = mass of water lost / MW of water
7. Calculate the molar ratio of salt to water.
ratio = moles of water / moles of dry salt

32

LAB 6: Naming inorganic compounds worksheet
Naming requires you to learn 3 systems and to do some memorization.
1. Ionic compounds
2. Acid
3. Molecular compounds

1. Ionic Compounds: a metal + a non-metal
Anion (-) = non-metals

Cation (+) = metals
Cations take the name of the element.
The charge of transition metals follows
the cation’s name.
Charge is shown as Roman numerals in
parentheses.
Na+
sodium
+2

Mg

+2

Fe
+3
Cr

Monoatomic = just one element
Named as the root + -ide suffix.
-1

Cl
-1
F
S

chloride
fluoride

-2

sulfide

magnesium
iron (II)
chromium (III)

Polyatomic = non-metal + oxygen atom(s)
Named as the root + suffix:
less oxygens = -ite suffix
more oxygens = -ate suffix
SO3

-2

SO4

-2

sulfite
sulfate

-1

ClO

ClO2

-1

ClO3

-1

ClO4

-1

hypochlorite
chlorite
chlorate
perchlorate

Ionic compounds are named: Cation name, Anion name
NaCl
Na2CO3
Ba(OH)2
BaCl2

•
•

sodium chloride
sodium carbonate
barium hydroxide
barium chloride

NH4Cl
(NH4)2SO4

ammonium chloride
ammonium sulfate

Remember that ionic compounds must have no net charge, and subscripts
are added to balance positive & negative charges.
Notice that naming of ionic compounds does not use prefixes to indicate
how many of each atom make up the molecule.
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2. Molecular Compounds: a combination of two non-metals

1st element

2nd element

The number of each atom in the molecule (the
subscript number) is indicated by a Greek
prefix:
1 mono6 hexa2 di7 hepta3 tri8 octa4 tetra9 nona5 penta10 decaExcept that when the prefix of the 1st element
is mono- that prefix is not used:
PF5
N2O4
SiBr4
CO

phosphorous pentafluoride
dinitrogen tetroxide
silicon tetrabromide
carbon monoxide
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3. Acids: a proton (H+) donor

•
•
•

Their formulas always begin with ‘H” and end with an anion.
Since all acids have protons, their names are based on their anions.
Anions are either monoatomic or polyatomic.

Monoatomic = the anion is just one element
Monoatomic acids are named with a hydro-prefix, element root name, -ic acid suffix.
HCl
hydrochloric acid
HF
hydrofluoric acid
H2S
hydrosulfuric acid (commonly hydrogen sulfide gas)
Polyatomic = the anion is one element + some number of oxygen atoms
Polyatomic acids are named by the element root name + suffix, then acid.
-ate --> -ic acid
(Ic, I ate it.)
-ite --> -ous acid
H2SO3 sulfurous acid
HClO hypochlorous acid
H2SO4 sulfuric acid
HClO2 chlorous acid
HClO3 chloric acid
HClO4 perchloric acid
NO hydro- prefix if polyatomic.
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Families of Polyatomic ions:
NH4+1
ammonium
AsO4-3

arsenate

C2H3O2-1
CN-1
SCN-1
CO3-2
HCO3-1

acetate
cyanide
thiocyanate
carbonate
hydrogen carbonate

Cl-1
ClO-1
ClO2 -1
ClO3 -1
ClO4 -1

chloride
hypochlorite
chlorite
chlorate
perchlorate

CrO4-2
Cr2O7-2

chromate
dichromate

MnO4-1

permanganate

NO2-1
NO3-1

nitrite
nitrate

O2-2
OH-1

peroxide
hydroxide

PO4-3
HPO4-2
H2PO4-1

phosphate
hydrogen phosphate
dihydrogen phosphate

S-2
SO3-2
SO4-2
HSO3-1
HSO4-1

sulfide
sulfite
sulfate
hydrogen sulfite
hydrogen sulfate

IO4

periodate
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LAB 7: Precipitation of chalk – limiting reactants & percent yield
Background:
In this lab exercise we will mix two soluble, or aqueous, ionic solutions together to form two
new products by exchange reaction. One of the two products will be chalk, calcium
carbonate (Ca(CO3)). Chalk will come out of solution as a solid product, also known as a
‘precipitate’.
Na2(CO3) (aq) + CaCl2 (aq) à Ca(CO3) (ppt) ê + 2NaCl (aq)
The second product of the exchange reaction, sodium chloride, remains soluble. The
solubility table (Chapter 4) allows us to predict solubility of products based on their anions.
For example, ionic salts (or compounds) of chloride anions are soluble unless the cation is
silver, mercury or lead. And carbonate anions generally produce insoluble salts, unless the
cation is ammonium or an alkali metal. So when two aqueous, and thus clear, solutions of
sodium carbonate and calcium chloride are mixed a cloudy product forms, and slowly drops
to the bottom of the reaction vessel. We can separate this precipitate from the soluble
reactants and the soluble product (NaCl) by filtration.
The amount of precipitate formed is a function of the amounts, and ratios, of the two
aqueous reactants. As long as stoichiometrically equivalent amounts of the two reactants
are mixed the reaction will go to completion and all reactant will form product. However, if
one of the reactants is present in limiting amounts it will limit, or dictate, the amount of
product that can be formed. Some of the second, excess, reagent will remain in the reaction
mixture while all limiting reagent is converted to product.
Why do chemists waste material by performing reactions in which one of the reactants is
present in excess? Many chemical reactions do not go to completion under normal
conditions; in other words, they do not form as much product as one would predict. There
are several methods that can be used to make reactions more efficient. One method
involves adding one reactant in excess of the other. Usually, chemists choose to use the less
expensive reactant in excess. This results in efficient conversion of the more expensive
limiting reactant into product.
How do chemists assess the efficiency of their reactions? Often the theoretical yield,
calculated before the experiment is begun, is compared to the actual yield observed in the
laboratory. Actual yields are never as high as theoretical yields for a number of reasons. The
reaction may not go to completion. And, it is often quite difficult to recover, or isolate, all of
the product of interest. Percent yield is calculated as a measurement of success:
Percent yield = (actual yield/theoretical yield)(100)
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Learning objectives:

•
•
•
•

Understanding and applying the solubility table to predict precipitation;
Understanding the critical concept of limiting reactants and theoretical yields;
Applying calculation and observation to determine which reactant is limiting; and
The theoretical and percent yields of precipitation reactions.

Safety information:
None of the chemicals used or produced in today’s lab are significant hazards when used at
low concentrations in solution, though all are irritants. Consult the SDS library for more
information.
Materials:
Chemicals:
0.5 M CaCl2
1.5 M Na2(CO3)
distilled water

Equipment:
cookie sheets
low-temperature oven
burets, stands & clamps
test tubes & rack
eye droppers or pipets
funnels, filter paper & pencil
200-mL Erlenmeyer flasks

Protocol:
PART A: Precipitation of CaCO3 and recovery by filtration
Do three trials of each combination: A and B.
1. Rinse two burets & set them up in the buret stand.
2. Fill one buret with calcium chloride solution and the other with sodium carbonate
solution. Be sure to ‘bleed’ the buret so that there are no air bubbles present.
3. Use the burets to dispense exact volumes of each solution into Erlenmeyer flasks to make
these two reactions. Record the volumes you use as accurately as possible.

1.5 MNa2CO

Reaction
A
B

0.5 M CaCl2
(mL)
20
25

1.5 M Na2(CO3)
(mL)
10
5

0.5 M CaCl2

Note: The order in which you dispense the two solutions will not matter.
4. Swirl the flask until you observe a white precipitate.
5. Use gravity to filter the precipitate out of the solution.
• Fold a piece of circular filter paper into quarters to make a funnel shape.
• Weigh the filter paper & label it in pencil with last ‘names, date, A1 or B1, etc.,.
• Fit the weighed and labeled paper into a funnel placed in a clean flask.
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• Pour your solution into the filter paper, taking care not to let the solution spill over the
top of the filter paper. Continue to swirl the reaction flask gently while pouring to keep
the ppt in suspension.
• To move all of the chalk into the filter, hold the flask over the filter & use a squirt bottle
to ‘chase’ the chalk down and into the filter.
• Once little filtrate is left in the chalk, carefully remove the filter paper and place it on
the baking sheet provided.
2. Dry the filter papers overnight at room temperature or in a low-temp oven. They
should be completely dried before final weighing.
3.

Weigh the dried filter paper with chalk. Discard the chalk in the container provided.

PART B: Filtrate test for limiting reactant.
1. Place about 1 mL (~ 10 drops) of filtrate for condition A into each of 3 test tubes.
2. Add about 1 mL of water to the first test tube, calcium chloride to the second, and sodium
carbonate to the last test tube.
3. Record the presence or absence of precipitate in each test tube.
4. Repeat the test with the filtrate from condition B.
Calculations & questions:
1. Molecular weights (g/mol) of each reactant and product
• Use atomic masses
2. Volumes of Na2(CO3) and CaCl2 dispensed for each trail of each condition: A & B

•

Use Vi & Vf.

3. Moles of Na2(CO3) and CaCl2 in each trial of each condition: A & B

•

Use volume and molarity.

4. Which reactant is limiting?

•

Consider moles of each reactant & stoichiometry.

5. Extra (or excess) moles of the non-limiting reactant

•

Use moles of each reactant & stoichiometry.

6. Theoretical yield of Ca(CO3) for each trial of each condition: A & B
a. First in moles: Use moles of limiting reactant & stoichiometry.
b. Then in grams = theoretical yield in moles * MW of CaCO3
7. Actual yield of Ca(CO3) for each trial of each reaction: A, B & C
a. Use mass of filter paper empty & full.
b. Use actual yield (g) and MW.
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8. Mean and standard deviation for the actual yield in moles

9. Percent yield for reactions A & B based on mean values
Notes:
-2
-3
• Moles of reactants and of theoretical yield will be small, on the order of 10 to 10 .
• Expect an actual yield of roughly 1 gram of Ca(CO3).
• Percent yield will range from 80 – 120 percent. How & why can it be over 100%?
o First, the hard water here at the college may contain ions that precipitate out with
the Ca(CO3); you may make more than chalk.
o Second, some of NaCl produced as the second product of the precipitation reaction
won’t wash through the filter and will contribute to the mass in the filter. We could
rinse it all out if we had another hour to spend in the lab.
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LAB 8: Acid strength and titration
Background:
Today’s lab exercise introduces and investigates several topics:
• Strong vs. weak acids
• Neutralization reactions
• pH & pH indicators
• Titration
Strong vs. weak acids:
Strong acids, such as hydrochloric acid, dissociate (or ionize) completely, while weak acids
only partially dissociate. The strength of an acid is a function of the concentration of free
(dissociated) protons. So, 1 M HCl is a stronger acid than 1 M acetic acid (HC2H3O2) because
all of the protons of HCl dissociate & are freed, while few of the acetic acid’s protons (one of
every 178,000) dissociate.
pH and hydrogen ion concentration:
pH is a function of, and a measure of, proton concentration. So, equivalent concentrations
of hydrochloric and acetic acid have different pH values.
pH = -log [H+1]

[H+1] = 10-pH = antilog (-pH)

These equations show that pH and proton concentration are inversely related; as the
concentration of protons rises, pH decreases. pH is measured on a logarithmic scale; a tenfold increase in proton concentration causes pH to decrease by 1 unit. Acids have low pH
values and bases have high pH values. pH can be measure using a pH meter, pH paper, or
simple indicator dyes. Indicator dyes change color as pH changes; various dyes are used for
different pH ranges. Phenolphthalein changes from colorless to pink at just above pH 8.0 to
pH 10.0. Phenol red is yellow at acid pH, bright magenta red when alkaline and terra cotta
peach at neutral. The accurate pH papers used in this lab use a variety of different pH
indicator dyes.
Neutralization reactions (aka acid base reactions):
When acids and bases are combined they undergo a neutralization reaction, named for the
neutral pH of the products. Generally, neutralization reactions produce two products: water
and a salt formed from the anion of the acid and the cation of the base.
Complete and balance the two neutralization reactions used in today’s lab:
HCl + NaOH à
HC2H3O2 + NaOH à
Titration is a technique performed to determine the concentration of a solution of unknown
concentration by reacting this solution with a second solution whose concentration is
known. The solution of known concentration is called the standardized solution, and the
process of titration is sometimes called standardization. Titrations require:
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• Balanced chemical equation
• Standardized solution of one of the reactants
• Burets
• An indicator or endpoint
Measured volumes of the two solutions are mixed, the indicator is used to determine when
the reaction is complete, and the concentration of the standardized solution and reaction
stoichiometry (molar ratios) are used to calculate the concentration of the unknown
solution.
Equations:
MiVi = MfVf

where M is molarity, V is volume, i is initial, and f is final
+1

pH = -log [H ]
+1

[H ] = 10

+1

where [H ] is the molar concentration of protons

-pH

= antilog (-pH)

Learning objectives:
• Understanding the difference between strong and weak acids;
• Understanding and applying knowledge of pH and its relationship to molarity;
• Understanding and observing neutralization reactions; and
• Applying titration to determine the concentration of acids and bases.
Safety information:
The acids and base used in this lab are corrosive and pose serious hazards although their
concentration is low. However, gloves are suggested and lab coats are also recommended.
Please consult the SDS library before beginning this experiment.
Materials:
Chemicals:
0.1 M stock solution of HCl
0.1 M stock solution of acetic acid (HC2H3O2)
NaOH stock solution (unknown concentration)
phenol red indicator solution

Equipment:
2 burets & buret stand
small and medium beakers
200–300 –mL Erlenmeyer flasks
graduated cylinders
pH paper

Instructor’s demonstration:
1. Using clean & labeled test tubes, go to the hood and get a small amount (several mL) of
0.10 M HCl and 0.10 M acetic acid stocks.
2. In new (clean) test tubes, dilute each acid to a concentration of 0.01 M. Make about 5 mL
of each new dilution. Use the MiVi = MfVf formula to calculate volumes of 0.10 M acid
stock and water required.
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3. Use pH paper to determine the pH of water, and the acid stock solutions and the acid
dilutions. (Total of 5 samples)
Calculations for demonstration:
1. How many mL of acid stock solution and water do you need to make your 0.01 M
dilutions?
2. Calculate the [H+] of water and each concentration of acid. Use pH to calculate this
proton concentration with the equation shown above.
Lab protocol:
Titration of hydrochloric acid with sodium hydroxide (unknown concentration)
1. Carefully & thoroughly rinse a buret; be sure to run water through the stopcock.
2. Fill the buret with NaOH of unknown molarity.
3. Take a clean 200-300-mL Erlenmeyer flask to the hood. Use a graduated cylinder to pour
in 25 mL of 0.1 M HCl
4. While at the hood at 5-7 drops of phenol red indicator to the flask and swirl; take the flask
back to the bench. The color should be light peach or yellow.
5. Slowly and carefully titrate the acid/indicator solution with the dilute NaOH solution.
• Open the stopcock so that a slow but steady stream of drops fall into the flask.
• Swirl the flask continuously over the white base of the buret stand.
• Slow the rate of NaOH addition when you begin to see a reddish flush where the base
drops into the acid.
• Now add the base one drop at a time, and swirl completely between drops; a faint
red color will appear suddenly, so you’ve got to be alert.
6. Stop titration when a very mellow, yet persistent terra cotta or peach color appears.
Repeat for a total of 3 trials with HCl and NaOH.
Calculations:
1. Moles of HCl in the flask, using molarity and volume;
2. Volume of NaOH added during titration, using Vi and Vf;
3. Moles of NaOH used in the titration, using moles of HCl & stoichiometry;
4. Molarity of NaOH dilution, using moles and volume; and
5. Mean & SD of the NaOH molarity.
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LAB 9: Buffering with weak acids3
Background:
In our last titration lab, you reacted a strong acid, hydrochloric acid, with a strong base,
sodium hydroxide. When the reaction was close to completion, a neutral pH and very light
peach color, it seemed that a single drop of base was enough to cause the pH to increase
dramatically and produce a ‘nuclear’ pink color. The dramatic and rapid change in pH
occurred because the reaction solutions were unbuffered.
Buffers are chemicals that prevent rapid change in pH in response to addition of acids or
bases; buffers function to maintain the status quo. The term buffer is used outside of
chemistry too: money in a savings account can buffer your finances; the gallon of gas in your
car’s tank when the gauge reads empty is a buffer; and homework grades buffer your exam
grades. A common analogy used to explain buffers is a sponge: the buffer sponge is equally
good at soaking up a bit of acid or a bit of base and prevents either from participating in a
chemical reaction. A good pH buffer must be able to act as both an acid and a base. Its acidic
properties soak up added bases and its basic properties react with added acids; so the
added acids or bases don't easily change pH.
In today’s lab we’ll create a buffer by mixing acetic acid and sodium acetate and we’ll
observe the buffer’s effect on a neutralization reaction. Acetic acid is a weak acid and will
neutralize bases added to the solution. Sodium acetate is a salt that dissociates to produce
sodium cation and the acetate anion. The acetate anion will neutralize added acid by
reacting with free protons to form acetic acid.
added base

added acid

Na+1 / OH-1

H+1 / Cl-1

H+1 / C2H3O2-1
Na+1 / C2H3O2-1

buﬀer

Learning objectives:

•
•

Understanding and applying the concept of pH buffers;
Using titration to demonstrate the power of buffers on neutralization reactions.

Safety information:
The acids and base used in this lab are corrosive and pose serious hazards to skin, mucus
membranes and particularly eyes. Although the concentration of corrosives is low gloves
are suggested. Please consult the SDS library before beginning this lab.

3

http://www.sciencegeek.net/APchemistry/APpdfs/VirtualBuffers.pdf
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Materials:
Chemicals:
0.1 M stock HCl
0.5 & 0.1 M acetic acid solutions
0.1 M NaOH solution
sodium acetate
phenol red indicator solution
distilled water

Equipment:
2 burets and buret stand
small and medium beakers
200–300 –mL Erlenmeyer flasks
graduated cylinders
pipettes & roller
pH paper

Protocol:
Part A: Titration of an unbuffered solution
1. Use a pipette to place 2.0 mL of 0.1 M acetic acid into an Erlenmeyer flask. Record the
volume of acid exactly.
2. Add 3 drops of phenol red indicator solution.
3. Fill a buret with 0.1 M NaOH and record the initial volume (Vi).
4. Titrate the acid to neutral: a very light peach or terra cotta color.
5. Use pH paper to check the pH each time 0.50 mL of NaOH is added. Record pH to the
nearest integer.
6. Record the final volume of NaOH (Vf).
7. Dispose of waste in the provided container.
8. Repeat for a total of three trials.
Part B: Prepare and titrate a buffered solution
1. Prepare 100 mL of a buffered solution that is 0.1 M acetic acid and 0.1 M sodium acetate.
Use the o.5 M acetic acid, solid sodium acetate and distilled water to create this solution.
Check your calculations with the instructor before going further.
2. Use a pipette to place 2.0 mL of the buffered acid solution into an Erlenmeyer flask and
record the volume exactly.
3. Add 3 drops of phenol red indicator solution.
4. Titrate the buffered solution with 0.1 M NaOH as described above in A.
5. Dispose of waste in the provided container.
6. Repeat for a total of three trials.
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Calculations:
1. Calculate the apparent molarity of the acetic acid in each unbuffered trial (part A) and
each buffered trial (part B) using molarity and volume of NaOH and volume of acid
solution.
2. Calculate mean and SD of the apparent unbuffered acid concentration (part A) and the
buffered acid concentration (part B).
3. Create a graph(s) by plotting pH values vs base volume for all six titration trials with pH

on the y-axis and volume of NaOH on the x-axis. Be sure to label each titration curve
using symbols and/or color. Note the point at which the light peach/terra cotta color
appeared for each curve.
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LAB 10: Acid neutralizing potential of commercial antacids (back titration)
Background:
One of the causes of indigestion is the secretion of excess stomach acid that is actually 0.25%
HCl. This extra acid irritates the stomach lining. Stomach acid is secreted after we eat and
can be exacerbated by eating spicy or greasy food, eating quickly, drinking too much, and
other poor (but often pleasurable) eating habits. In order to relieve the suffering of their
fellow man, and to make a profit, pharmaceutical companies have produced ‘medicines’ that
neutralize excessive gastric juice. These remedies are effective because they contain weak
bases, such as sodium bicarbonate, magnesium carbonate, and aluminum hydroxide. These
weak acids act as buffers and neutralize excess stomach acid without causing harm.
Titration is a technique that allows us to determine the concentration of an acid or base by
measuring the amount of base or acid required to neutralize (or completely react with) the
it. The products of neutralization reactions have a neutral pH. So, when neutralizing an acid
with base, the pH of the solution goes from quite acidic (a low pH value) to neutral (~pH
7.0). Titration reactions require that the concentration of one reaction is known, that
amounts of both reactants are measured carefully, and that the reaction goes to completion
here evidenced by a neutral pH. Volumes, the known molarity and reaction stoichiometry
are then used to calculate the concentration of the tested reactant.
In this lab you will determine the acid-neutralizing potential of a commercial antacid using a
back titration method. Weak or unreactive compounds, such as the bases found in antacids,
are often difficult to analyze with direct titration because they react slowly and produce
endpoints that are difficult to observe (because you can quickly go past them when titrating
with a strong acid). In back titration (Figure 1), an excess of a strong standardized reagent,
here HCl, is added to the substance being analyzed. This strong reagent causes a robust
reaction with easily observed and quantitated endpoints; here a pH indicator will tell us that
the reaction of antacid and HCl is complete. Phenol red changes color from yellow to terra
cotta at between pH values of 6.4 and 8.0, while bromophenol blue changes from yellow to
blue between pHs of 6.2 and 7.6. We will intentionally go over the end point to ensure that
HCl is present in excess. We will then add small amounts of a solution of standardized NaOH
to bring the pH to a neutral value. The molar amount of the weak antacid compound is
determined by how much of this NaOH is required to balance pH.
unknown amount
of weak antacid base

+

excess strong
acid (HCl) of known
concentration

à

how much NaOH
to bring pH to
neutral?

After determining the relative strength of your antacid, compare your values to those of
other students analyzing different products. Which antacid has the most acid-neutralizing
potential? Which is the best buy?
This laboratory exercise was developed by Dr. William Cleaver of UVM and modified for our
classroom usage.
47

Figure 1: Diagram of back titration
Learning objectives:
• Understand the difference between straight and back titrations;
• Apply back titration to determine the content of base in antacid tablets.
Safety information:
The acids and bases used in this lab are corrosive but are used at low concentrations. Gloves
and lab coats are suggested. Please consult the SDS library before beginning this lab.
Materials:
Chemicals:
0.50 M HCl or 0.2 M H2SO4
0.10 M NaOH solution
distilled water
`
phenol red solution
bromophenol blue solution
commercial antacids: Tum, Rolaids, Mallox

Equipment:
small glass beaker
pipettes & roller
250-mL Erlenmeyer flasks
burets & stands
mortar and pestle
Pasteur pipette or eyedropper
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Protocol:
Determine the acid-neutralizing capacity of antacids by back titration
1. Weigh the mass of whole antacid tablets and then grind them into a fine powder using a
mortar and pestle.
2. Weigh out between 0.25 and 0.35 grams of antacid powder and transfer to a clean
Erlenmeyer flask.
3. Using the buret, run 25 mL of standardized acid solution into the flask and allow the
mixture to react for 5 minutes, or until all of the antacid powder has dissolved.
4. Wash the sides of the flask with 5-10 mL of distilled water, and add 3-5 drops of
bromophenol blue indicator.
5. If the solution is blue rather than yellow, add another 5 mL of acid to the solution.
Continue to add acid, 5 mL at a time, until the solution turns yellow.
6. Once the solution is yellow, titrate the mixture to the blue end point using standardized
NaOH solution.
7. Repeat for three trials.
8. Dispose of all lab solutions in the waste bucket, wash and return your glassware and
wash your bench down with water before starting calculations.
Calculations
1. Calculate volumes of acid and base dispensed used using Vi and Vf.
2. Calculate moles of acid and base dispensed by the burets using the volumes dispensed
and the solution molarities.
3. Calculate moles of ‘excess acid’ by subtraction of base moles from acid moles.
4. Use the acid:base ratio from the balanced chemical equation representing the
neutralization reaction to convert moles of excess acid to moles of antacid tablet base.
5. Divide moles of antacid base moles by grams of antacid powder
6. Calculate the volume of ‘stomach acid’ consumed (or neutralized) by one gram of
antacid powder.
a. To do this, assume that stomach acid is 0.25% HCl by mass (= 0.25 g/100 mL) and
convert this to molarity.
b. Then convert moles of antacid base / gram to volume using this molarity.
7. Calculate the cost of antacid ($/mole) using the cost provided by the instructor.
8. Calculate the cost of supermarket baking soda (NaHCO3) ($/mole) using the cost
provided by the instructor.
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LAB 11: BOD 7 and Winkler titration for dissolved oxygen concentration4
Background:
The Winkler titration measures the concentration of dissolved oxygen in water samples and
creates a colored solution whose optical density is correlated with dissolved oxygen
concentration. The method was developed by Ludwig Wilhelm Winkler in his doctoral
research in 1888 to determine the amount of biological activity in water bodies. Plants,
phytoplankton and algae produce oxygen as they grow while bacteria and eukaryotes
(invertebrates and vertebrates) use that oxygen. The balance, indicated by dissolved oxygen
levels, is an indicator of the health of water bodies and their ability to support forms of
aquatic life.
•
•
•

Health or cleanliness (lack of pollution) in water bodies
Types and levels of life the water body can support
Level of decomposition in the water body

The sample’s dissolved oxygen is used to quantitatively oxidize iodide ion to iodine. The
amount of iodine formed is then determined by titration with standardized thiosulfate. The
endpoint of the titration is indicated using a starch solution that creates color when the
starch combines with triiodide ion.
To perform the test a sample of water is collected in a bottle with no air volume to ensure
that the oxygen content is due only to dissolved oxygen in the water sample. Chemical
reagents are added to water to ‘fix’ the oxygen and create an acidic solution. The ‘fixed’
acidic solution is then titrated with base to produce a colored endpoint that reflects the
concentration of oxygen in the sample.
Chemistry:
During fixation the first two reactions occur simultaneously and produce a brown precipitate
from reaction with dissolved oxygen.
Mn(SO4) + 2 K(OH) + KI (alkali-iodide) → Mn(OH)2 + K2(SO4)
Mn(OH)2 (white precipitate) + O2 → MnO(OH)2 (brown precipitate)
Addition of acid produces iodine in proportion to the amount of dissolved oxygen in the
sample and ‘fixes’ the sample.
MnO(OH)2 + H2(SO4) → Mn(SO4)2 + 3H2O
Mn(SO4)2 +2KI → Mn(SO4) + K2(SO4) + I2 (dark brown/red, free iodine)
Titration of iodine with thiosulfate (Na2(S2O3)) and starch produces a colored product that
allows dissolved oxygen (via I2) to be quantitated. Triiodide ion (I3-1) forms when iodine
complexes with iodide ion.
2Na2(S2O3) (thiosulfate) + I2 → Na2(S4O6) + 2NaI
starch + I3-1 à starch-I3 complex (blue)
4

https://serc.carleton.edu/microbelife/research_methods/environ_sampling/oxygen.html
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Learning objectives:
•
•
•

Understanding dissolved oxygen and its role and water quality
Applying titration to oxidation reactions
Creating and using a standard curve to quantitate concentrations of experimental samples

Equipment and reagents needed:
Equipment
300-mL BOD bottles, stoppers, caps
funnel-tube sampler
aluminum foil
pipettes and rollers
transfer pipettes
graduated cylinders
burets
Erlenmeyer flasks
stir plates and stirring magnets

Chemicals
2.15 M manganese (II) sulfate
alkali-iodide-azide
sulfuric acid, neat
starch solution with salicylic acid
0.025 M sodium thiosulfate (Na2(S2O3))

Part I: Collection of samples protocol
The funnel-tube sampler method is typically
to collect a sample from a small or shallow
without introducing additional oxygen into
sample.

used
stream
the

1. Rinse the funnel in the stream.
2. Invert the funnel or orient the open end
funnel upstream and slowly submerge it
and the funnel tubing completely fills,
avoiding any entrainment of air bubbles.

of the
until it

3. Pinch the funnel tubing about six inches
the end and remove the funnel, top end
from the water.

from
first,

4. Insert the end of the funnel tubing to the
bottom of the BOD bottle. Let go of the
tubing
to allow the water to overfill the bottle
(Figure
3c). Withdraw the tubing from the bottle
just
before the funnel has emptied. This step avoids any aeration of the sample with bubbles
from the final discharge of the funnel.
5. Insert stopper into BOD bottle. Tip the bottle to the side to allow excess water to drain off
of the top of the stopper.
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Part II. Creating dilutions for a seven-day BOD test protocol
Each pair of lab partners will prepare one of these seven dilutions in triplicate.
Table I: Dilution of wastewater for BOD7 assay
dilution
number
1
2
3
4
5
6
7

dilution ratio
25.0:1
30.0:1
37.5:0
50.0:1
75.0:1
150.0:1
dilution water
only

wastewater volume
(mL)
12.0
10.0
8.0
6.0
4.0
2.0
0.0

1. Place the volume of wastewater listed in Table I into 3 BOD bottles.
2. Fill the bottles to the very top with dilution water, add the stopper and tip the bottle to
drain off the excess water.
3. Seal two of the triplicate bottles with a BOD cap or aluminum foil and store in the BOD7
box for seven days.
4. WEEK 2: Measure the initial DO value in the third triplicate bottle first with the DO meter
and then using the Winkler titration method.

Part III. Fixing the water samples for Winkler titration protocol
1. Using a pipette, pull up 1.00 mL of manganese (II) sulfate and dispense it into the water
sample below the surface of the water. Be sure that you don’t add bubbles with the
manganese sulfate.
2. Add 1.oo mL of alkali-iodide azide solution in the same way.
3. Replace the stopper, set it firmly and mixt the bottle by inverting it carefully several times.
> Discard the sample and start over if any air bubbles are seen in the bottle.
> A brownish-orange precipitate will form if oxygen is present in the sample. Let the
precipitate settle and then invert to mix a few more times.
4. Add 1.00 mL of neat H2(SO4). Restopper the bottle and invert seeral times to mix and
cause the precipitate to dissolve.
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The sample is now ‘fixed’ and can be stored for up to 8 hours to 4 days in a cool, dark place.
If you choose to store the sample, squirt a bit of distilled water around the top of the
stopper and cover the stopper with an aluminum foil sample secured with tape or with a
BOD bottle cap.
Part IV: Winkler titration of the fixed sample protocol
1. Use a graduated cylinder to measure 201 mL of fixed water sample into an Erlenmeyer
flask.
2. Using a buret, titrate the sample with sodium thiosulfate to a pale straw color.
3. Add a few drops of starch solution to the sample which will turn blue.
4. Continue titrating with the sodium thiosulfate until the blue color disappears and the
solution becomes clear.
(Note that the solution may become gain color again due to the presence of nitrate or iron III
salts, but that should be disregarded.
The concentration of dissolved oxygen in the sample is equal to the number of mL of sodium
thiosulfate titrant added in both sections of titration (to straw and then to clear): 1 mg/L
dissolved oxygen for each mL of sodium thiosulfate.
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For samples in the BOD7 test, initial BOD values should be higher than final BOD values as
bacterial growth over the seven-day incubation period should use significant amounts of
dissolved oxygen.
Calculations
To calculate the seven-day BOD (BOD7) use the following equation:
BOD7 = (DOinitial - DOfinal)
P
Where:
DOinitial = initial DO value
DOfinal = DO value after seven days incubation
P = dilution ratio = wastewater sample volume (mL)
BOD bottle volume (mL)
•
•

Using BOD data from the entire class, determine mean and standard deviation BOD7.
Question: What is the ultimate BOD of the sample?
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LAB 12: Ideal gas law determination of the molecular weight of Mg5
Background:
Some of the more active (i.e. electropositive) metals react readily with strong acids. The
reaction produces hydrogen (H2) gas and metal cations. For example:
Mg (s) + 2HCl (aq)

à

MgCl (aq) + H2 (g)

If the hydrogen gas produced in the reaction is collected, the ideal gas law can be used to
calculate the number of moles of H2 created. Then, using stoichiometry, the atomic mass of
the metal can also be estimated if the initial mass of metal is known and the amount of
hydrogen gas is measured.
In this lab, you will react a sample of magnesium metal, whose mass you have determined,
with an excess of acid. The hydrogen gas produced will be collected over water. Then you
will use the ideal gas law (below) to calculate the moles of hydrogen gas produced.
PV = nRT
Where: P = pressure of gas in mm Hg or torrs; R = Ideal Gas Constant; T = temperature in °K; n
= moles of gas; V = volume of gas in L.
Dalton’s law of partial pressures states that the total pressure (Ptotal) of a system is equal
to the sum of the partial pressure of gases in the system. Here the total pressure inside the
gas buret is the sum of the partial pressures of hydrogen gas and water vapor.
Ptotal = PH2 + PH2O …rearranged to…

PH2 = Ptotal - PH2O

Water vapor is present here because the hydrogen gas is collected over (aka through) a
water solution, and some of that water evaporates into the gas phase. The vapor pressure
of water (PH2O) is dependent on experimental temperature (see Table I).
Another complication is apparent from Figure 1. Because the level of the gas buret is higher
than that of the beaker, the difference in height causes the pressure exerted on the surface
of the liquid in the beaker to be different from the pressure in the gas buret. The pressure
exerted by gasses in the buret is Ptotal, plus the difference in height between the column of
water in the tube and the level of water in the beaker. Thus, if the water level in the column
is higher than the water in the beaker, the total pressure of the gasses (Ptotal) can be
calculated as barometric pressure (Pbar) - the pressure of the column of water (Pcolumn);
Ptotal = Pbar - Pcolumn. Note that the height of the column of water has to be converted into
mm of mercury (Hg) aka torrs.

5

This laboratory exercise was developed by Dr. William Cleaver of UVM.
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Figure 1.
Data

Results

Balanced chemical equation
Length Mg strip (cm)
Volume HCl (mL)
Concentration HCL (M)
Atmospheric pressure (in Hg)
Density Hg = 13.59 g/mL

Pbar = Ptotal + Pcolumn
Ptotal = PH2 + PH2O
PV = nRT
Pressure (mm Hg)
Volume (L)
Moles
Constant = L*atm/mol*K
Temp (K)
% Error = act – exp (100)
actual

Volume gas (mL)
PH2 (mm Hg)
H2 gas (moles)

Height water column (cm)

Water temperature (°C)

Pressure water column (mm Hg)

Mass Mg (g)
Moles Mg
Mg g/mol
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Learning objectives:
• Understanding and performing a redox reaction;
• Using the Ideal Gas Law to determine moles of gas produced; and
• Using stoichiometry to calculate the atomic mass of magnesium.
Safety information:
Today you will be pouring a small volume of very concentrated hydrochloric acid into your
gas measuring tube before filling it with water. Concentrated HCl is very hazardous. Before
beginning today’s lab read the SDS for HCl. In addition to lab safety glasses you must wear
gloves while setting up your reaction. I suggest lab coats as well. You may remove your
gloves while are waiting for the reaction to go to completion.
Materials:
Chemicals:
Mg ribbon
6 M HCl
distilled water

Equipment:
400-mL glass beaker
50-mL gas measuring tube (GMT)
buret stand
rubber stopper with hole(s) & copper wire
thermometer

Protocol:
1. Cut a piece of Mg ribbon with a length of 1.5 cm or less, measure its length and record it
exactly.
2. Compress your metal sample into loose but compact bundles. Completely wrap each
sample with copper wire, leaving roughly 4 cm of loose copper wire as a handle. The
degree of compaction of the metal sample will affect the speed up the metal's reaction
with acid. Insert the wire handle through the hole in the narrow end of a rubber plug;
fold the free end over the wider end of the plug to secure the sample onto the plug.
3. Before you go any further, be sure that your sample and plug fit securely into the open
end of your GMT.
4. Set up a ring stand and clamp, or a buret stand, and arrange the height of the clamp so
that a GMT is held securely above the lab bench. Place a large beaker below the clamp
and fill it half full of water. Place a thermometer into the beaker to record the
temperature of the water before the experiment begins.
5. Bring your GMT, a small beaker of water and your sample on plug to the fume hood.
Working in the fume hood, slowly, pour 5.0 mL of HCl into the GMT. Use extreme caution
as concentrated HCl is very corrosive and fumes; do not inhale acid fumes. Be sure to
cap bottle of acid immediately after use.
6. Before leaving the fume hood, fill the GMT with water. Add the water slowly to prevent
the dense acid from mixing with the less dense water. Two separate layers (acid and
water) should form. You may observe some steam forming due the heat of hydration.
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7. Still in the hood, insert the sample (and narrow end of the plug) into the GMT & be sure
the plug is fitted snugly into the opening. Be sure that no air is trapped in the GMT;
insertion of the sample should displace some water. Take your GMT and small beaker
back to your bench.
8. Cover the hole in the stopper with your gloved finger, invert the GMT, & submerge the
stoppered end in the half-full beaker of water. Secure the GMT in a vertical position using
the clamp. The dense acid will travel down the tube and begin to react with the metal;
Hydrogen gas formed during the reaction will rise to the top of the GMT, displacing
water & acid via the hole in the stopper. Record the time it takes for the reaction to
occur.
9. Once the metal has completely dissolved (reacted) let the apparatus sit for 2-3 minutes &
measure the temperature of the water in the beaker below the GMT, the gas volume,
and the barometric pressure of the room.
10. Without changing the position of the tube, measure the height of the column of water
(the distance the column of water extends above the surface of the water in the beaker).
Take your apparatus apart, releasing the liquid into the beaker. Dispose of the water in
the waste bucket provided.
11. Do three trials.
TABLE I. Vapor pressure of water in mm Hg varies with temperature.
temp (C)
Vp
temp (C)
Vp
0
4.58
21
18.65
5
6.54
22
19.83
10
9.21
23
21.07
12
10.52
24
22.38
14
11.99
25
23.76
16
13.63
26
25.21
17
14.53
27
26.74
18
15.48
28
28.53
19
16.48
29
30.04
20
17.54
30
31.82

58

Calculations
1. Convert barometric pressure (Pbar) from inches of Hg to mm of Hg or torrs. One torr is
equal to one mm of Hg.
2. Convert height of the column of liquid in the GMT to pressure of the column (Pcolumn)
in mm Hg (aka torrs):
a. From cm to mm; and
b. From mm of water to mm of Hg. Since Hg is 13.59 times as dense as water, divide the
height of the column of water in mm by 13.59.
3. Calculate total pressure of gases (Ptotal) in the GMT (torrs):
Ptotal = Pbar– Pcolumn
4. Calculate the pressure of H2 gas (torrs) in the GMT using the pressure of water vapor
from Table I: PH2 = Ptotal – Pwater
5. Calculate the moles of H2 gas using the ideal gas law: PV = nRT.
a. Convert volume of H2 gas from mL to L.
b. Convert temperature from °C to °K.
c. Use PH2 and a value of 62.36 torr.L/mol.K for R.
6. Calculate the moles of Mg metal using the moles of H2 and stoichiometry.
7. Calculate the mass of your piece of Mg ribbon using the length to mass conversion factor
provided.
8. Calculate your experimental atomic weight of Mg by dividing your mass of Mg by your
moles of Mg.
9. Calculate mean & SD of your experimental atomic weight of Mg.
10. Calculate % error for atomic weight of Mg.
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LAB 13: Electrochemistry of voltaic cell lab6
Background:
The standard reduction potential is the voltage that a half-cell develops when combined
with the standard hydrogen electrode under standard conditions, 1 M, 1 atm and 25°C. The
standard reduction potential of hydrogen is assigned an arbitrary potential of zero volts. The
more positive the reduction potential, the easier it is for reduction to occur.
When two half-cells are connected using a salt bridge and a wire, a spontaneous
electrochemical cell (aka a battery) is created and reduction and oxidation reactions occur
simultaneously. The wire allows electrons to flow from the anode, the source of oxidation,
to the cathode where reduction occurs. The salt bridge allows anions and cations to move
towards the anode and cathode respectively to prevent a build up of negative charge in the
cathodic half-cell. Simultaneous redox reactions will continue only as long as the salt-bridge
allows the half-cells to remain electrically neutral. The electrochemical cell potential, or
voltage, can be calculated by adding the standard reduction potentials of the half-cell
reactions after having changed the sign of the standard reduction potential of the oxidation
half-reaction. For example, consider combining copper and aluminum half-cells:
+2
Cu + 2e- à Cu
E° = +0.34 V
+3
Al + 3e- à Al
E° = - 1.66 V
Which metal acts as the anode and which as the cathode? The anode is the more easily
oxidized metal; the metal with the lower reduction potential or the higher position on the
activity series. Here, Al serves as the anode and Cu as the cathode. So, their E° values are
added after changing the sign of the Al value: (+0.34 V) + (+1.66 V) = +2.00 V. This
combination of half-cells will create a viable battery as the summed E° value is positive and
greater than one; the higher the summed E° value the better the battery.
In this lab, you will create a series of micr0-scale half-cells in a 24-well culture plate. Pairs of
half-cells will be connected with salt-bridges and with the leads of a voltmeter. In the
electrochemical cells created in rows A and B, zinc is used as a reference and is therefore
assigned an arbitrary value of 0.0 V. The standard reduction potentials for Cu, Ag, Fe, Mg
and Pb will be determined relative to Zn. Then, in rows C and D a series of “mixed”
electrochemical cells will be created and their electromotive force determined. Note that
reference values are determined using solutions with very low resistances. The resistance of
the solutions you use today is likely to be higher and will probably lower your standard
reduction values somewhat.
Learning objectives:
• To understand the nature of electrochemical cells.
• To construct a table listing the reduction potentials of a series of metal ions in order of
ease of reduction based on cell potentials.

6

This lab was adapted from AP Chemistry, Lab #15: Electrochemical cells.
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Safety information:
Some of the ionic compounds, heavy metal salts, used in this lab include metals that can be
toxic, particularly at high concentrations – particularly copper and lead. Others, like the iron
(II) nitrate and silver nitrate are oxidizers and can cause serious skin and eye burns. Wear
gloves when working with these ionic solutions and be sure to wash your hands before
leaving lab. Please consult the SDS library before beginning this lab.
Materials:
Chemicals:
1.0 M Zn(NO3)2
1.o M Cu(NO3)2
1.0 M Ag(NO3)
1.0 M Fe(NO3)2
1.0 M Mg(NO3)2
1.0 M Pb(NO3)2
1.0 M K2(NO3) solution
Zn, Cu, Ag, Fe, Mg, Pb metals

Equipment:
24-well plates
transfer pipets for each solution
pieces of each metal (stamped with symbol)
steel wool or emery paper
small beaker
a petri dish
strips of filter paper
forceps
multi-meter / voltmeter with two alligator clips

Procedure:
A1

A2
Zn
Zn+2

B1

A3
Zn
Zn+2

B2
Cu
Cu+2

C1

B3

C2

D1

Pb
Pb+2

Mg
Mg+2

H2O
C6

Pb
Pb+2
D5

Pb
Pb+2

Zn
Zn+2
B6

C5

D4
Ag
Ag+1

Zn
Zn+2

Mg
Mg+2

Fe
Fe+2

A6

B5

C4

D3
Cu
Cu+2

Zn
Zn+2

Fe
Fe+2

Fe
Fe+2

A5

B4

C3

D2
Mg
Mg+2

Zn
Zn+2

Ag
Ag+1

Cu
Cu+2

A4

Cu
Cu+2
D6

Cu
Cu+2

Ag
Ag+1

Figure 1: Map of electrochemical micro-cells showing half-cells
connected by salt bridges. Each well shows the elemental metal and
cation of the nitrate salt solution placed in the half-cell.
1. Turn on the multi-meter, connect the leads and set to volts and the most sensitive scale.
2. Using the map shown above as a guide, use transfer pipettes to add about 2-mL of metal
nitrate salt solution to each well except well B6. For example, place Zn(NO3)2 in well A1,
but Cu(NO3)2 in well B1. Record the combination of metals used to create
electrochemical cells shown by the linked pairs of cells in the map.
61

3. Place 2 mL of either ddH2O or tap water in well B6 as a control. Water shouldn’t allow
redox reactions to occur, though extremely hard water might enable feeble redox.
4. Pour some potassium nitrate into a petri dish and lay some strips of filter paper in the
solution to soak.
5. Gather pieces of Zn, Cu, Fe, Ag, Mg, and Pb metals and a piece of steel wool or
sandpaper.
6. Polish pieces of Zn and Cu until they are shiny and place them in wells A1 and B1
respectively.
7. Place each end of a piece of wet filter paper into each well of the electrochemical cell to
form a salt bridge.
8. Use the activity series to determine which metal is the anode; it’s the more easily
oxidized metal. Connect the leads of the multi-meter to the pieces of metal: connect the
red lead to the cathode and the black lead to the anode. Be sure that the electrodes do
not touch the salt bridge. Record the identity of the anode and cathode for each
electrochemical cell tested.
9. Record the observed positive voltage value.
10. What happens if you remove the salt-bridge?
11. What happens if you reverse the leads?
12. Note any visual observations of change in the half-cells.
13. Repeat steps 6 through 9 for each pair of half-cells, the pairs of vertically adjacent cells
connected in the map.
Calculations:
1. Calculate the difference between the standard reduction potentials from your text (with
hydrogen as the reference electrode) and your experimental reduction potentials as
determined in the electrochemical cells created in rows A and B.
2. Calculate the mean and standard deviation of that difference.
3. Having identified the anode and cathode of each electrochemical cell created in rows C
and D, calculate the expected electrochemical potential of that cell as described in the
introduction: sum the reduction potentials after changing the sign of the oxidation halfreaction.
a. Use standard reduction potentials (hydrogen electrode reference); and
b. Use your experimental reduction potential values (with zinc reference).
4. Calculate the % error between observed and expected voltages for each electrochemical
cell in rows C and D.
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LAB 14: Electron conformation worksheet
For the elements listed below fill in the information required for the table below and then
use the orbital box diagrams to write out the electron configuration of each element. To
save time you may use a slash through boxes (orbitals) that hold two electrons, but use a
single up arrow to represent a single electron. Think about how electron configuration
would change if and when the element becomes an ion. Show that change by altering the
electron configuration you’ve written with another color pen or with pencil.

Element

Column

Row

Atomic

Ionic

number

charge?

Na
Mg
Al
Si
P
S
Cl
Ar
K
Ca
Fe
Co
Ni
Cu
Zn
Br
Kr
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LAB 15: Lewis dot structure worksheet
Steps for writing Lewis dot structures:
1. Sum all valence electrons for all atoms in the structure, including charge.
2. Write atomic symbols and connect each with one line. Single atoms are central and
repeated atoms surround the center.
3. Complete the octets of peripheral atoms (those connected to the central atom).
4. Place any leftover valence electrons on the central atom.
5. If there are not enough valence electrons to complete the central octet, use some
electron pairs to create multiple bonds to the central atom.
For each of the molecules shown in both sections below:
• Write Lewis dot structures for these molecules or ions following all steps above;
• Calculate formal charges for each atom; and
• Identify the most polar bond.
No resonance
1. SiH4
2. SF2
3. SO2(OH)2
4. ClO2-1
5. CH2O
6. H2O2
7. C2F6
8. AsO3-3
9. SO(OH)2
10. C2H2
11. POCl3
12. ClO4-1
13. ClO2(OH)
May have resonance
If the structure has resonance, show all structures & the hybrids.
14. NO2-1
15. CO
16. CO2
17. CO3-2
18. NO+1
19. NO3-1
64

LAB 16: Heat of formation & Hess’s law7
Background:
This week you will determine the enthalpy of formation of magnesium oxide, MgO using
Hess’s Law. Enthalpy of reaction is defined as the change in heat that accompanies any
particular chemical reaction; this change in enthalpy can be either positive or negative. The
standard enthalpy of formation is defined as the amount of energy gained or lost during the
formation of one mole of a compound from its constituent elements, when the elements are
in their standard states.
Fortunately, we can use Hess’s law to determine the enthalpy of formation of MgO indirectly
using constant pressure calorimeters. Hess’s Law states that if a reaction is carried out in a
series of steps, the change in enthalpy of the reaction will be equal to the sum of the
enthalpy changes from the individual steps. Today, you will experimentally determine the
enthalpies of two reactions: (1) Mg metal with HCl, and (2) MgO with HCl, and use the results
and Hess’s Law to calculate the enthalpy of formation of MgO.
(1)
(2)

+1

+2

Mg + 2H à Mg + H2
+1
+2
MgO + 2H à Mg + H2O

DH = ____________
DH = ____________

ΔH can be calculated using the heat capacity of your calorimeter, Ccal, and the mass and
specific heat of a 2 M HCl solution. So,
DH = - ((Ccal)(DT) + (mass sol'n)(4.184 J/C-g)(DT))
Where Ccal is the heat capacity of the calorimeter determined previously, DT is the greatest
change in temperature of the acid after the reaction began, mass sol'n is the weight of the
acid, 4.184 J/C-g (the specific heat of water), and ‘mass of sample’ is the weight of the MgO
or the Mg metal in grams.
You will convert to molar enthalpies and combine these values with the known molar
enthalpy of formation of water (below) using Hess’s Law to determine the enthalpy of
formation of MgO.
(3)
H2 + ½ O2 à H2O
DH= -286 kJ/mol
(gas) (gas) (liquid)
So, the reaction of Mg metal and oxygen gas to form MgO can be determined by combining
equations 1, 2, and 3 to form equation (4), and Hess’s Law can be used to calculate the
DHrxn for equation MgO (4) as the sum of the molar enthalpies of reactions (1) – (3).
(4)
Mg + ½ O2 à MgO
DH = ________

7

This laboratory exercise was developed by Dr. William Cleaver at UVM, and modified for use here at Vermont
Tech.
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Learning objectives:
• Understanding the nature thermal aspect of many chemical reactions;
• Applying calorimetry to observe the heat flow involved in simple redox reactions; and
• Using calorimetry to determine enthalpy of formation of a metal oxide.
Safety information:
The acid used in this lab is corrosive, thought the concentration used here is fairly low. Wear
gloves when handling the acid. Consult the SDS library before beginning this lab.
Materials:
Chemicals:
Mg ribbon
MgO powder
distilled water
2 M HCl

Equipment:
50 – 100-mL graduated cylinder
50-mL glass beaker
constant pressure calorimeter
timer
thermometer
electronic balance & weigh boat

Protocol:
Each pair of lab partners will be responsible for doing three trails of either Mg or MgO. A
team of two sets of lab partners will share their data so that all four students will be able to
use the combined data to complete the lab.
Part A. Determination of the heat of reaction (DH) for Mg
1. Using a clean graduated cylinder, place 50 mL of 2 M HCl into the 100-mL glass beaker that
fits within your calorimeter.
2. Measure the temperature of the acid repeatedly until the temperature stabilizes, or
reaches thermal equilibrium. Record several temperature readings at this point.
Although your thermometers are graduated in 1.0 degree increments, for today,
estimate temperatures to the nearest 0.5°C.
3. Weigh out a sample of Mg whose mass is between 0.06 – 0.10 g.
4. Quickly and carefully add the Mg to the acid and replace the lid on the calorimeter.
5. Immediately take a temperature reading, and continue recording the temperature every
15 seconds for 3 minutes or until you have 6 identical and unchanged readings. Gently
stir the reaction with the thermometer while taking these readings in order to speed up
the reaction.
5. Dispose of the reaction in the big white waste bucket in the hood.
6. Repeat all steps for a total of three trials.
7. Wash and replace your glassware and wash your bench with water.
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Part B. Determination of the heat of reaction (DH) for MgO
Follow the protocol for part A, but use 0.2 to 0.3 grams of MgO.
Calculation of experimental molar enthalpy
1. Calculate the maximal change of temperature for each trial.
DT = Tmax - Ti
2. Calculate the enthalpy of reaction for each trial using a value of 31.1 J/°C for Ccal, your
experimental DT, and the mass of acid (assuming a density of 1 g / mL) and the equation
below.
DH = - ((Ccal)(DT) + (mass acid)(4.18 J/C-g)(DT))
= - ((J/C)(C) + (g)(J/C-g)(C)) = - J
3. Divide enthalpy by mass of Mg or MgO to give J/g for each trial.
4. Calculate the molar DH by converting J/g to J/mol using the MW of Mg or MgO.
5. Calculate mean & SD of molar DH.
Using Hess’s law to determine the heat of formation of MgO
(1)
Mg + 2HCl à MgCl2 + H2
mean DH (from A)
(2)

MgO + 2HCl à MgCl2 + H2O

mean DH (from B, reversed)

(3)

H2 + ½ O2 à H2O

DH = -286 kJ/mol

Use Hess’s law to estimate the heat of formation of MgO:
(4)

Mg + ½ O2 à MgO

sum DH = from 1, 2, 3 above
= - 601.8 kJ/mol (expected)

Note: Be sure the 3 equations you are using add up to the final, and fourth, equation!
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LAB 17: Determination of gas molecular weight via the Dumas method8
Background:
The French chemist Jean-Baptise Dumas (1800 - 1884) created a method to determine the
molecular weight of volatile organic compounds based on the relative densities of gases.
Volatile compounds change from a liquid to a gas at relatively low temperatures. Most
volatile compounds are small as shown in Table I.
Table I: Boiling points of selected small molecules
Compound
Methanol
Ethanol
Propanol
Isopropanol
butanol
ethyl acetate

# carbons
1
2
3
3
4
4

MW (g/mol)
32.04
46.07
60.10
60.10
74.12
88.11

boiling point (°C)
66.0
78.4
97.5
82.6
117.4
77.1

While Dumas didn’t know about the ideal gas law (IGL), developed in 1834 by Emile
Clapeyron from the work of Boyle and Charles, we can use the IGL and the Dumas method
to determine the molecular weight (aka molar mass) of small volatile compounds. The ideal
gas law is a mathematical description of the behavior of ‘ideal gases’ in at low
concentrations. Ideal gases are small and have molecular structures that do not lead to
strong intermolecular attraction.
PV = nRT
Where P is gas pressure (torr), V is gas volume (L), n is moles of gas, R is the ideal gas
constant (62.36 L-torr/mol-°K), and T is gas temperature (°K).
In the Dumas method we place liquid volatile compound into a flask that is tightly capped
but has a tiny outlet. When we heat the flask, the liquid becomes a gas and the pressure in
the flask increases. The increasing pressure forces excess gas out of the tiny outlet until the
gas pressure in flask is equal to the atmospheric pressure outside of the flask. We can
determine the mass of the gas in the flask, the volume of the flask, temperature and
atmospheric pressure. Using the IGL and these values, we can calculate moles of gas in the
flask. Molar mass is simply the ratio of moles of gas to the mass of the gas.
Learning objectives:
• Application of the ideal gas law
• Understanding of the behavior of volatile compounds
• Determination of molecular weight as a means to identify a compound
• Critical thinking

8

Adapted from Santa Monica College:
https://www.smc.edu/AcademicPrograms/PhysicalSciences/Documents/Chemistry_11_Experiments/dumas%20b
ulb%20procedure.pdf
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Safety information:
These small organic compounds are volatile compounds, inhalation hazards and flammable.
Be sure to keep your Bunsen burner and the volatile compounds in flasks at opposite ends of
your lab bench. Wear eye protection at all times, tie back hair, and remove scarves. Don’t
leave your bench when your Bunsen burner is lit. Please consult the SDS library before
beginning this lab.
Materials:
Chemicals:
ethanol
isopropyl alcohol
ethyl acetate

Equipment:
Bunsen burner & flint sparker
ring stand, ring, large test tube clamp, wire mesh
large beaker for a water bath
125-mL Erlenmeyer flask
aluminum foil & wire, push-pin
electronic balance & weight boats
pipette & roller
electronic barometer
alcohol thermometer

Procedure: Note: masses of gas are small, so use the same balance for all measurements.
1. Set up a boiling water bath above the Bunsen burner.
a. Place the ring above the burner so that the flame, at most, just touches the bottom
of the ring.
b. Place the wire gauze in the ring.
c. Place a beaker, half full of tap water, on the wire gauze. Add a few boiling chips.
d. Be sure the beaker is secure and not in danger of tipping over.
2. Light the Bunsen burner and begin heating the water bath. Use a small flame!
3. Meanwhile, cut a square of aluminum foil large enough to cover the mouth of the
Erlenmeyer flask and a piece of wire long enough to circle the mouth of the flask three
times.
4. Weigh the empty and dry flask with the aluminum foil and wire sitting loosely atop it.
Record the mass exactly. Using the same balance, take two more masses for the flask,
foil and wire. The mass of the gas will be small, so mass measurements must be precise.
5. Go to the hood with your flask, a pipette & roller. Using a pipette, add 2 mL of volatile
liquid to the flask, recording the volume to the nearest hundredth of a mL.
6. Return to your bench with the flask and create a tight cap with the foil and wire:
a. Cover the flask’s mouth with the aluminum foil and mold the foil tightly to the top
of the flask.
b. Wrap the wire around the mouth of the flask just below the lip. Twist the ends of
the wire together to create a tight seal, but not so tightly that the wire breaks.
c. Use a push-pin to poke a single small hole through the seal.
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7. Carefully place the Erlenmeyer flask into the water bath and be sure that water cannot
enter the flask (water needs to be fairly far below the foil cap). Use the large test tube
clamp to secure the flask in place.
8. Place the thermometer into the flask. You want the temperature of the water bath to be
at, or just above, the boiling point of your volatile compound.
9. Watch for escaping gas by placing your line of site level with the foil cap. Escaping vapor
will be colorless but will create a swirling ‘mirage’ (a Schlieren pattern) caused because
the escaping gas is denser than room air.
10. Watch for complete evaporation of the liquid in the flask. You should see no remaining
drops of liquid at the bottom of the flask or at the top of the neck. Moving the flask a bit
will allow you to see if any liquid remains. Evaporation should take only several minutes
at the compound’s boiling point or the boiling point of water.
11. When evaporation is complete, remove the flask from the water bath and allow the flask
to cool to room temperature.
12. Carefully and thoroughly dry the outside of the flask and weigh it. You may now see
liquid in the flask, and that’s to be expected so don’t worry. [Why is that?] Take three
separate mass measurements with the same balance.
13. Carefully untwist the wire to remove the cap, add two more mL of volatile compound,
reseal the cap and repeat the entire procedure for a total of three evaporation trials of
the same volatile compound.
14. Finally, once all three trials are complete, determine the exact volume of your flask.
a. Remove the cap and put aside.
b. Fill the flask to the very top with room temperature tap water.
c. Weigh the filled flask with cap. Remove from the balance and take the weight two
more times for a total of three mass measurements.
Clean up: Once all three trials are completed, rinse all glassware three times with tap water
and place it in the drying area. Discard the foil cap, but leave the wire with your lab setup.
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Calculations: Do a complete set of calculations for each of your three trials.
1. Calculate the mean and standard deviations of masses of (1) the empty flask with cap
from step 4 and (2) the gas-filled flask with cap for each trial from step 12.
2. Calculate the mass of the gas by subtracting the mean mass of the empty flask with cap
from the mean mass of the full flask with cap.
3. Calculate the mean and standard deviation of the mass of the water-filled flask with cap
from step 14.
4. Calculate the mass of water required to fill the flask by subtracting the mean mass of the
empty flask with cap from the mean mass of the water filled flask with cap.
5. Using the density of water at the temperature of the water used to fill the flask and the
mass of water required to fill the flask, calculate the volume of the flask.
6. Rearrange the IGL to solve for moles of gas and use the volume of flask, room
temperature and atmospheric pressure in the units used in the value of R provided in the
background for this lab.
7. Calculate your experimental molar mass (or MW) of the volatile compound by dividing its
mass (g) by its moles.
8. Calculate the mean and standard deviation of your experimental value of the volatile
compound’s MW.
9. Calculate % error using the known MW of your volatile compound and your mean
experimental MW.
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LAB 18: Kinetics of the iodine clock reaction9
Background:
Chemical reactions occur at varying speeds. There is an entire spectrum of speeds of
reactions, ranging from very slow to extremely fast. For example, the rusting of iron is
reasonably slow, while the decomposition of TNT is extremely fast. The branch of chemistry
that is concerned with the rates of reactions is called chemical kinetics.
In order for a reaction to occur, reactants must come into contact with each other by
collision of reacting particles (or molecules). The energy of collisions must be above a
minimum energy threshold of energy in order for the reaction to occur. Lower-energy
collisions do not cause chemical reactions to occur; instead molecules collide and then
deflect away from one another. When sufficient energy causes the reaction to occur, its rate
is affected by the four factors listed below. This lab will examine the effects of the first two:
concentration and temperature.
1. Concentration: higher concentrations increase collisions and therefore rate
2. Temperature: generally, rate doubles for each 10°C increase in temperature
3. State of reactants: rate increases from solid to liquid to gas
4. Catalysts: presence increases rate
The rate of this reaction may be measured by observing the rate of disappearance of either
reactant, or the rate of appearance of either product as the change in concentration with
time, Δ[X] / Δt. Reaction rate is calculated using the rate law: rate = k[A]x[B]y
Where [A] and [B] are the concentration of reactants; x and y are exponents to which these
concentrations are raised; and k is the rate constant. The value of k is characteristic of each
reaction but varies with temperature
Peroxide – iodine “clock reactions”: new information for today’s lab
To investigate reaction kinetics, we will use a clock reaction: a chemical reaction with a
significant induction period during which one of the chemicals, called the clock chemical, has
a very low concentration. The end of the induction period is marked by a rapid increase in
concentration of the clock chemical, and completion of the reaction. The induction delays
the reaction, useful when studying kinetics.
We will use a version of the clock reaction whose three reactions that occur in one flask:
-1
+1
-1
3I + H2O2 + 2H à I3 + 2H2O
(1)
slow
(KI)
(H2SO4)
-1

-2

-1

-2

I3 + 2S2O3 à 3I + S4O6
-1

-1

2I3 + starch à starch-I5 complex + I

(2)
-1

fast

(3)

(blue-black)

9

Adapted from the Royal Society of Chemistry’s CFNS Experiment 63:
http://www.rsc.org/learn-chemistry/resource/res00000744/iodine-clock-reaction?cmpid=CMP00005152
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In the first reaction (1), iodide ions (I-1) are oxidized to triiodide ion (I3-1). Since the reactants
and products are clear solutions, we cannot see the happen. Fortunately, adding starch as
an indicator (reaction 3) allows us to watch reaction (1) occur because triiodide ion binds to
starch, creating a starch pentaiodide complex with a dark blue-back color. The colored
complex is our indicator of the moment reaction (1) produces triiodide.
Although reaction (1) is slow in chemical terms, it would seem almost immediate to us. To
slow the reaction down and allow us to time it, we’re adding a smidge of thiosulfate ion
(S2O3-2). As shown in reaction (2), thiosulfate binds to triiodide as soon as it is produced.
Reaction (2) is so fast that none of the triiodide produced by reaction (1) binds to starch until
the small amount of thiosulfate has been consumed by reaction (2). Once the thiosulfate is
used up, all triiodide made by reaction (1) is able to bind to starch (3) and the solution
suddenly turns blue-black.
Since the first reaction is slow, it determines the rate of formation of the blue-black starchiodide complex. When a series of reactions are performed together, the slowest reaction is
called the rate-limiting step.
In this lab, you will perform this clock reaction with three different conditions, changing the
concentrations of the reactants in equation (1) and timing the formation of the blue-black
color. You will then calculate the rate of reaction and solve the rate law for exponents and
the rate constant (k). The rate law for reaction (1) is:
rate = k[I-1]x[H2O2]y[H+1]z
Other notes:
The KCl and water added used to prepare solutions are used to keep volume and ionic
strength (the total concentration of ions in solution) constant so that any changes observed
will be due to changes in reactant concentration (Part A of this lab) or temperature (Part B
of this lab).
Learning objectives:
• Understanding the concept of chemical reaction kinetics;
• Applying the clock reaction to investigate the affect of reactant concentrations on
reaction rate; and
• Applying the clock reaction to examine the effects of temperature on reaction rates.
Safety information:
Sulfuric acid is a serious corrosive, although it is used at low concentrations here. Hydrogen
peroxide is a hazard in case of skin and eye contact. Wear gloves while setting up your
solutions. And please consult the SDS library before beginning this lab.
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Materials:
Chemicals:
0.050 M KI
o.010 M Na2S2O3
1.0 M H2SO4
0.050 M KCl
0.050 M H2O2
1% starch solution

Equipment:
2 burets and stand
timer
pipettes & roller
250-mL Erlenmeyer flasks
100 mL beaker
thermometer
test tubes
hot-water bath & ice-bath

Part A: Effects of concentration of reactants of kinetics
In this first section of the clock reaction lab, you will perform three variations (or
conditions)of the clock reaction:
• 1st a baseline reaction; a condition to which reactions 2 and 3 will be compared
• 2nd the concentration of H2O2 is cut in half
• 3rd the concentration of I-1 is cut in half
Part A procedure:
1. Gather glassware: 3 flasks and 3 beakers. Rinse each with distilled water and shake them
dry. Label them with tape so that you have three flask-beaker pairs: 1, 2 and 3.
2. The instructor has set up a “buffet line” of burets, graduated cylinders and solutions that
you will line up at to create experimental solutions in your flasks and beakers.
3. Create the three conditions shown in the tables below by dispensing the specified
volumes of each solution into the flasks and beakers as directed below and return to
your lab benches.

Flask No.
1
2
3

0.050 M KI
(mL)
15.0
15.0
7.5

1% starch
(mL)
5.0
5.0
5.0

0.050 M
H2O2
(mL)
15.0
7.5
15.o

ddH2O
(mL)
0
7.5
0

Beaker no.
1
2
3

0.010 M
Na2S2O3
(mL)
2.5
2.5
2.5

1 M H2SO4
(mL)
5.0
5.0
5.0

0.050 M KCl
(mL)
0
0
7.5

4. Pour the solution in beaker 1 into flask 1, and immediately start timing.
5. Swirl the flask.
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6. Record the time when the color just starts to change from clear to blue black.
7. Record the temperature of the solution.
8. Repeat steps 6 – 9 for variations 2 and 3, pouring beaker 2 into flask 2 and then beaker 3
into flask 3.
9. Then repeat until you have done three replicates for each of the three conditions (1-3),
for a total of nine runs.
10. Reactions can be disposed of down the sink! Be sure to rinse all glassware three times
before putting it away. Rinse your bench with water and start calculations.
Calculating reaction rates for the clock reaction
The rate of formation of triiodide is dependent on the stoichiometric relationship between
thiosulfate, triiodide ions and iodide ions (see chemical equations on the first page).
moles I-1 = 1 mole S2O3-2

1 mole I3-1
3 mole I-1
-2
2 mole S2O3 1 mole I3-1

The rate of formation of products of any chemical reaction can be calculated as:
rate = Δ[product] x 1
Δt
a
-1

So the rate of formation of I is:

Where a = the stoichiometric
coefficient of the product
Rate = 3 [S2O3-2] = [S2O3-2]
2 3Δt
2Δt

(*)

In the rate equation (*) the numbers (the 3/2 and 1/3Δt) come from the stoichiometric
coefficients of the chemical equations shown on the first page of this lab exercise.
Calculations for Part A:
1. Calculate the concentrations of reactants in the mixed flask and beaker at time zero
(before the reaction occurs and just as the flask and beaker are mixed). Use MiVi = MfVf
and solve for Mf. Calculate the concentrations of iodide ion, H2O2, acid and thiosulfate
ion at time zero for each trial of the three reaction conditions (1, 2 and 3).
2. Calculate reaction rate for each of the three reactions using the concentration of
thiosulfate at time zero and the time required for color change (Δt) and the equation
below:
rate = [S2O3-2]0
2Δt
3. Compare the three reaction conditions and find the pair of conditions in which:
a. Only the concentration of iodide changes; or
b. Only the concentration of hydrogen peroxide changes.
4. For each of those pairs of reactions, calculate:
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a. The change in reactant concentration; and
b. The change in reaction rate.
5. Calculate the rate law exponents for iodide (x) and hydrogen peroxide (y):
x
y
z
rate = k[I-1] [H2O2] [H+1]
Use this relationship to solve for exponents:
x
Δ[ ] = Δrate
You should find that:
a. If the reaction rate does not change as reactant concentration changes, x is zero.
a. If the reaction rate & concentration change by the same factor, x is one.
b. If the reaction rate changes by a factor that is double the change in concentration, x
is 2.
6. Use the exponents (the orders of reaction) and time zero concentrations of reactants
from reaction (1) to calculate the reaction constant, k at room temperature.
k=
rate
= M/s = M-2/s
x
y
z
[I-1] [H2O2] [H+1] M3

Part B. Effect of temperature on kinetics
Generally, reaction rate is increases as reaction temperature increases and vice versa. Part B
of the clock reaction lab investigates the effect of temperature on the rate of the clock
reaction.
Part B procedure:
1. Rinse three 250-mL Erlenmyer flasks with distilled water and shake them dry. Label them
rt, hot and cold.
2. Make these solution in each of the flasks:
0.050 M KI
1% starch
0.010 M
(mL)
(mL)
Na2S2O3 (mL)
15.0
5.0
2.5

1 M H2SO4
(mL)
5.0

0.050 M KCl
(mL)
0

3. Rinse three smallish beakers with distilled water and shake them dry. Label them rt, hot
and cold.
4. Use pipets to dispense 15.0 mL of H2O2 into each beaker.
5. Place the ‘cold’ flask and beaker pair into an ice-water bath. Let them cool until their
temperatures are < 5°C.
6. Place the ‘hot’ flask and beaker pair into an the hot water bath. Let them warm until
their temperatures are at least 40°C.
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7. While solutions are heating and cooling, perform the room temperature (rt) reaction by
pouring the H2O2 into the flask. Immediately begin timing, swirl, and record the time for
color change. Take and record the temperature of the reaction.
8. Pour beaker 1 solution into flask 1, start timing, swirl, and record the time it takes for
color to change.
9. Place flask 2 and beaker 2 into a hot water bath (~50°C). Let them warm until their
temperatures are around 40°C.
10. Record that new (increased) temperature.
11. Pour beaker 2 into flask, start timing, swirl, and record the time it takes for color to
change.
Reactions can be disposed of down the sink!

The Arrhenius Equation:
In 1889, Svante Ahhrenius showed that temperature of chemical reactions affected their
rates in a very specific way:
k = Ae

-Ea/RT

Where k is the reaction’s rate constant at this temperature, A is the frequency factor, Ea is
the reaction’s activation energy (kJ/mol), R is the gas law constant (8.314 J/K-mol), and T is
temperature (°K).
Activation energy is the energy required to make chemical reactions happen. This energy is
required for both exothermic and endothermic reactions. We can approximate the
activation energy (Ea) for this clock reaction by plotting the natural log of the rate constant
(k) at each temperature against the inverse of that temperature expressed in degrees
Kelvin. If this plot gives a straight line, the reaction “exhibits Arrhenius behavior”; meaning
that we can the Arrhenius equation to predict the effect of temperature on the reaction’s
rate constant. And, this plot will allow us to calculate Ea by fitting a straight line to the curve:
y =
m
x +b
ln k = (-Ea/R)/(1/T) + ln A
The slope of the straight line is –Ea/R, allowing simple calculation of activation energy.

77

Calculations for Part B:
Use reaction 1 of part A as the first data for part B, collected at room temp. Do the calculations
for this part A, reaction 1 data as well as the data from part B.
1. Convert temperatures from Celsius to Kelvin.
2. The concentrations of reactants for these experiments are identical to those of reaction 1
of part A.
3. Calculate reaction rates as you did in Part A calculation 2.
4. Using the values of x and y calculated in part A, use the concentrations and the new
reaction rates to calculate the value of the rate constant (k) for each altered
temperature.
5. For each temperature, calculate ln k.
6. For each temperature, calculate 1/T (1/temperature in °K).
7. Using Excel, plot ln k (y-axis) vs. 1/T (x-axis) and fit a straight line to the data using linear
regression (y = mx + b).
a. Enter the data in an Excel table with 1/T in column A and ln k in column B.
b. Select (highlight) these two columns and create an X-Y graph. The points should
create a nearly straight line that descends left to right.
c. Click on the points on the graph, go to chart options and “add a trendline”.
d. Use the trendline values for the linear regression to find slope, m.
e. Record the value for the regression coefficient R2. The closer it is to 1.0, the better
your data fits a straight line.
8. If a straight line fits the data, the reaction exhibits Arrhenius behavior. The slope of
the straight line (m) is equal to –Ea/R, where Ea is the activation energy of the
reaction and R is the ideal gas constant, 8.314 J/mol-°K.
9. Calculate Ea (J/mol) from the slope, m.
Table II: Results for part B, effect of temperature
Rxn T (K)

rate

k

ln k

1/T

m

R

Ea

1
2
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LAB 19: Equilibrium & Le Châtelier’s principle10
Background:
Equilibrium is a dynamic condition that appears static. Chemical equilibrium occurs when
forward and backward reactions are occurring simultaneously and at the same rates;
product is being made at the same rate that it is turned back into reactant. Most chemical
reactions proceed to an equilibrium, a constant ratio of the concentrations of products to
reactants, that is characteristic of that reaction and a specific temperature. The equilibrium
constant (Keq) describes equilibrium conditions for a reaction like, aA + bB ß à cC + dD.
c
d
Keq = [C] [D]
Where [X] is the molar concentration
a
b
[A] [B]
Chemists often want to maximize the production of a product and don’t like being limited by
a reaction’s equilibrium. Fortunately, equilibrium can be shifted using a number of
techniques. Le Châtelier’s principle says that when a system at equilibrium is disturbed the
system will react to the change to restore equilibrium by shifting towards production of
products or reactants. So, how can we employ this principle to shift the equilibrium towards
production of products? Three common techniques are: 1) adding more reactants; 2)
removing products; or 3) changing reaction temperature.
In today’s lab you will try each of these techniques using three reactions. First, we will shift
the equilibrium of reactions (1) and (2) by adding reactants or removing product.
+2
-1
(1)
Ca (aq) + 2OH (aq) ß à Ca(OH)2(s) ê
(2)

+2

-1

Cu (aq) + 2OH (aq) ß à Cu(OH)2(s) ê
+2
+2
Cu (aq) + 6NH3(aq) ß à Cu(NH3)6 (aq)

blue
colorless

You will investigate the ability of temperature to shift equilibrium using reaction (3).
+2
-2
-2
(3)
Cu + Br à CuBr4
blue
yellow
Learning objectives:
• Understanding the concept of dynamic chemical equilibrium and Le Châtelier’s principle;
• Applying qualitative chemistry to examine the effects of concentration and temperature
on chemical equilibrium.
Safety information:
The acid and base used in this lab are corrosive hazards; some concentrations are very high,
so take extreme care. Wear gloves at all times. Wear a lab coat when working with large
bottles of concentrated acids and bases. Copper salts are toxic to microbes, but only harm
humans at high concentrations. Aqueous ammonia is an inhalation hazard. Please consult
the SDS library before beginning this lab.
10

Adapted from K. Marr and Chem 163 at Green River Community College
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Materials:
Chemicals:
_____ M NaOH & 6 M NaOH
_____ M CaCl2
6 M HCl & 12 M HCl
____ M Cu___
6M NH3
0.20 M CuSO4
saturated KBr solution
distilled water
rock salt
ice

Equipment:
test tubes, rack & test tube clamp
Pasteur or transfer pipettes
Bunsen burner & flint sparker
ring stand & ring
large beakers

Procedure:
Part A. Disturbance of the equilibrium formation of Ca(OH)2; reaction (1)
1. Label a test tube ‘part A’.
2. Add a few drops of ____ M NaOH to the test tube.
3. Add drops of ____ M CaCl2 solution until you see Ca(OH)2 precipitate.
4. Determine whether all hydroxide ions are bound up in the precipitate or free in solution
by adding a few drops of phenol red indicator solution. Record your observation.
5. Now add drops of 6 M HCl to the test tube until you observe a change & record what
you see.
Part A questions:
1. Where all the hydroxide ions in the precipitate or were some still present in solution?
2. What was the role of sodium ions in the experiment?
3. What was the role of chloride ions in the experiment?
4. How did addition of HCl shift the equilibrium?
5. What happens to hydroxide ions when HCl is added? Which hydroxide ions react when
HCl is added? Do those in solution react? What about the hydroxide ions in the
precipitate?
6. What chemical species are present in the test tube at the end of the experiment?
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Part B: Perturbation of the equilibrium of reaction (2)
1. Label a test tube ‘part B’.
2. Add a few drops of the ___ M Cu____ solution.
3. Add drops of 6 M HCl until you observe a precipitate. Record your observations
4. Add drops of 6 M NH3 until you observe a change. You will need to agitate (finger
vortex) your test tube. Record your observation.
5. Add drops of 6 M HCl while agitating the test tube until a change is observed. Record
your observation.
Part B questions:
1. What happens to the copper (II) ions? Re they all locked up in the precipitate or are some
still in solution? What is your evidence?
2. What happens at the molecular level as the NH3 is added? How is equilibrium shifted and
why?
3. What happens at the molecular level as the HCl is added? How does addition of HCl shift
the equilibrium?
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Part C: Formation of copper II bromide ion (CuBr4-2) & effect of temperature (3)
1. Prepare a hot water bath by heating a 250-mL beaker of water to 85 – 90°C.
2. Prepare an ice-water / salt bath by adding some rock salt to 75 mL of ice water in a 150mL beaker.
3. Pour about 15 mL of 0.2 CuSO4 into a a graduated cylinder, record its mass exactly and
transfer it to a small beaker. Note the color of this solution.
4. Use a pipette to pull up 5 mL of saturated KBr solution and record the volume exactly.
Record the color of this solution.
5. Transfer the KBr into the CuSO4 and stir immediately with a stir rod or stir plate.
6. Divide the mixture into three roughly equal parts in three test tubes labeled Crt, Chot,
and Ccold.
7. Keep one tube at room temperature, place the second in the hot bath and the third in
the ice bath.
8. After 15 minutes, record the color of the mixture at each temperature.
9. Dispose of the mixtures in the containers provided.

10. Wash and return your equipment and wipe down our bench.
Part C questions:
1. What is the role of Sulfate and bromide ions?
2. How is equilibrium shifted as the reaction is heated?
3. How is equilibrium shifted as the reaction is cooled?
4. Is the reaction endo- or exothermic?
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Tables & reference material:
English to Metric Conversion Factors and Relationships
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Greek Prefixes, Significant Figures and Unit Conversions
Prefix:
GigaMegaKiloBASE UNIT
DeciCentiMilliMicroNanoPicoFemto-

One-letter
G
M
k

Commonly
billion
million
thousand

d
c
m
µ
n
p
f

Means
109
106
103
100
10-1
10-2
10-3
10-6
10-9
10-12
10-15

For Conversions
109 x/ 1 Gx
106 x/ 1 Mx
103 x/ 1 kx

102 cx /1 x
103 mx /1 x
106 µx /1 x
109 nx /1 x
1012 px /1 x
1015 fx /1 x

When converting with Greek prefixes, I suggest the following approach:
• Compare the base unit and prefix and determine which is larger.
• Assign the larger unit a value of 1 in the fractional conversion factor.
x

•

Assign the smaller unit the value of 10 in the fractional conversion factor.

•
•

Place the conversion factor in the problem matching units diagonally.
Compute!

How many digits in this figure are significant?
• Leading zeros are NEVER significant.
• Trapped zeros are ALWAYS significant.
• Lagging (or trailing) zeros are significant ONLY if the follow a decimal.
Calculations with sig figs:
• Multiplication & division: Answer can have only as many sf as the least number of sf
in the values being used in the calculation.
• Addition & subtraction: Number of digits in front of the decimal is not limited.
Number of digits following the decimal is limited by the value with least digits after
the decimal.
Unit conversion: ‘Old’ units cancel out diagonally, leaving only the ‘new’ units desired
x
y
z
a
b = b
x
y
z
a
Conversion factors are exact numbers and, therefore, do not affect the number of sig figs in
a conversion problem.
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Electronegativity
Tables

86

87

1

*

Cobalt

Nickel

Copper

Zinc

12

13

10.81
Aluminium

B

5

Boron

13

56

55

[226.03]

**

89-102

178.49(2)

Hf

72

Hafnium

91.224(2)

Zr

40

Zirconium

47.867(1)

Ti

Ce
140.116(1)

Thorium

90

La
138.90547(7)

Actinium

89

[227.03]

Ac
232.03806(2)

Th

58

Cerium

57

Lanthanum

Rf
[265.12]

Lr

104

[262.11]

103

Lawrencium Rutherfordium

174.9668(1)

Lu

71

Lutetium

88.90585(2)

Y

39

Yttrium

44.955912(6)

Sc

22
51.9961(6)

95.96(2)

231.03588(2)

Pa

91

Protactinium

140.90765(2)

Pr

59

55.845(2)

61

Promethium

[270]

Bh

107

Bohrium

186.207(1)

62

Samarium

[277.15]

Hs

108

Hassium

190.23(3)
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Osmium

101.07(2)

63

Europium

[276.15]

Mt

109

Meitnerium

192.217(3)

Ir

77

Iridium

102.90550(2)

45

Rhodium

58.933195(5)

Co

27

238.02891(3)

U

92

Uranium

144.242(3)

[144.91]

196.966569(4)

64

Gadolinium

[281.16]

65

Terbium

[280.16]

111

150.36(2)

[237.05]

[244.06]

94

Plutonium

151.964(1)

[243.06]

95

Americium

[247.07]

96

Curium

157.25(3)

[247.07]

97

Berkelium

158.92535(2)

67

Holmium

[284.18]

113

Ununtrium

204.38

Tl

81

Thallium

114.818(3)

In

49

Indium

69.723(1)

[251.08]

Cf

98

Californium

162.500(1)

28.085

208.98040(1)

Bi

83

Bismuth

121.760(1)

Sb

51

Antimony

74.92160(2)

As

33

Arsenic

30.973762(2)

[252.08]

[257.10]

100

Fermium

167.259(3)

Er

68

Erbium

[289.19]

114

32.06

70

Ytterbium

[293]

116

Ununhexium

[209]

Po

84

Polonium

127.60(3)

Te

52

Tellurium

78.96(3)

Se

34

Selenium

[258.10]

101

Mendelevium

168.93421(2)

[259.10]

102

Nobelium

173.054(5)

Tm Yb

69

Thulium

[288.19]

115

Ununquadium Ununpentium

207.2(1)

Pb

82

Lead

118.710(7)

Sn

50

Tin

72.63(1)

32

Germanium

S

16

15.999
Sulfur

O

8

Oxygen

16

Es Fm Md No

99

Einsteinium

164.93032(2)

Dy Ho

66

Dysprosium

[285.17]

112

Copernicium

200.59(2)

80

Mercury

112.411(8)

48

31

26.9815386(2)

P

15

14.007
Phosphorus

N

7

Nitrogen

15

[294]

117

Ununseptium

[210]

At

85

Astatine

126.90447(3)

I

53

Iodine

79.904(1)

Br

35

Bromine

35.45

Cl

17

18.9984032(5)
Chlorine

F

9

Fluorine

17

18

[294]

118

Ununoctium

[222]

86

Rn

Radon

131.293(6)

54

Xe

Xenon

83.798(2)

36

Kr

Krypton

39.948(1)

Ar

18

20.1797(6)
Argon

10

Ne

Neon

4.002602(2)

2

He

Helium

Ds Rg Cn Uut Uuq Uup Uuh Uus Uuo

110

Np Pu Am Cm Bk

93

Neptunium

65.38(2)

Cadmium

Au Hg

79

Gold

107.8682(2)

47

Silver

63.546(3)

30

Cu Zn Ga Ge

29

Darmstadtium Roentgenium

195.084(9)

Pt
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Platinum

106.42(1)

46

Palladium

58.6934(4)

Ni

28

Ru Rh Pd Ag Cd

44

Ruthenium

Re Os
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Rhenium

[97.91]

43

Technetium

54.938045(5)

26

Nd Pm Sm Eu Gd Tb

60

[271.13]

Praseodymium Neodymium

[268.13]

106

Seaborgium

183.84(1)

W

74

Tungsten

Db Sg

105

Dubnium

180.94788(2)

Ta

73

Tantalum

92.90638(2)

42

Molybdenum

25

Cr Mn Fe

24

Nb Mo Tc

41

Niobium

50.9415(1)

V

23

Si

14

12.011
Silicon

C

6

Carbon

14

Element symbols and names: symbols, names, and spellings are recommended by IUPAC (www.iupac.org). Names have yet to be proposed for elements 113, 115, 117, and 118 and so those used here are IUPAC’s temporary systematic names (Pure & Appl. Chem., 1979, 51, 381–384).
In some countries, the spellings aluminum, cesium, and sulphur are usual.
Atomic weights (mean relative masses): these are IUPAC 2009 values (M.E. Wieser and T.B. Coplen, Pure & Appl. Chem., 2011, 83, 359). The last significant figure of each value is considered reliable to ±1 except where a larger uncertainty is given in parentheses. Representative values
for those elements having an atomic weight interval are given (H, Li, B, C, N, O, Si, S, Cl, Tl). Elements with values given in [brackets] have no stable nuclides and are represented by 5 s.f. values for the longest-lived isotope given in theIUPAC 2009 values.
Periodic table organisation: for a justification of the positions of the elements La, Ac, Lu, and Lr in the WebElements periodic table see W.B. Jensen, “The positions of lanthanum (actinium) and lutetium (lawrencium) in the periodic table”, J. Chem. Ed., 1982, 59, 634–636.
Group labels: the numeric system (1–18) used here is the current IUPAC convention. For a discussion of this and other common systems see: W.C. Fernelius and W.H. Powell, “Confusion in the periodic table of the elements”, J. Chem. Ed., 1982, 59, 504–508.

**actinoids

*lanthanoids

Ra

88

87

Fr

Radium

Francium

[223.02]

137.327(7)

132.9054519(2)

Ba

Barium

Caesium

Cs

87.62(1)

85.4678(3)

Sr

38

37

Rb

40.078(4)

Strontium

Rubidium

Ca

39.0983(1)

K

21

Gallium

Iron

11

20

Manganese

10

Calcium

Chromium

9

24.3050(6)

Vanadium

8

19

Titanium

7

Potassium

57-70

6

22.98976928(2)

Scandium

Symbol

Atomic number

Element Name

5

Atomic weight (mean relative mass)

Key:

4

Al

12

9.012182(3)
Magnesium

3

Na Mg

11

6.94
Sodium

Be

4

Li

Beryllium

3

2

Lithium

1.008

H

1

Hydrogen
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