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Some Common Equipment Used in the Lab 
 

 
test tube 

 

 
Beaker  

Erlenmeyer flask 
 

round bottom 
flask 

 
beaker tongs 

 
 

 
test tube clamp/holder 

 
Volumetric pipet 

 

 
pipet bulb 

 
 

 
crucible and lid 

 

 
evaporation dish 

 
 

 
graduated cylinder 

 
 

 
watch glass 
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Buret 

 

 
ring clamps 

 

 

 
 

 
buret clamp 

 

 
Bunsen burner 

 
gauze mat 

 

 
wash bottle 
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SAFETY GUIDELINES 
 
1. Familiarize yourself with the location and use of all safety equipment (fire 

extinguisher, safety shower, fire blanket, and eye wash fountain) and 
emergency exits in the laboratory.   
 

2. Smoking, eating, or drinking is not allowed in the laboratory. 
 

3. Visitors are not allowed in the laboratory.  Students with visitors must leave 
the room for the duration of the visit. 
 

4. No one will be allowed to work in any laboratory without department approved 
protection (i.e. goggles) and footwear.  Eye protection is required at all times 
unless explicitly stated otherwise. Wear sensible clothing in the lab to protect 
against spills. In the sitting position thighs should be covered and no bare 
midriffs.  Shoes must cover feet.  A lab coat to protect clothing and bare legs 
is recommended.  The use of other protective wear (i.e. gloves, lab aprons, 
coats, etc.) is highly recommended. 
 

5. Long hair presents a serious hazard in the laboratory and must be properly 
restrained to minimize this hazard. 
 

6. Broken glassware must never be placed in trash containers.  Use the broken 
glass disposal boxes provided. 
 

7. Place waste paper in waste paper cans. 
 

8. Working in laboratories outside of the regularly scheduled periods is 
prohibited. 
 

9. Experiments using utilities such as gas, water, steam, heat, etc. are not to be 
left unattended. 
 

10. Unauthorized experimentation is prohibited. 
 

11. Absolutely nothing should be placed in the mouth while in the lab (food or 
chemicals).  Mouth pipetting is not allowed; always use a pipet bulb. 

12. Avoid contact with chemicals or inhalation of their vapors whenever possible.  
Whenever toxic gases are evolved in an experiment, the work must be 
carried out in one of the fume hoods. 
 

13. In case of fire or accident, call the instructor at once.   
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CHEMICALS: 
1. Treat all chemicals as if they were hazardous. 

 
2. Never put chemical waste down drains or in trash receptacles. Use 

appropriately labeled waste containers. 
 

3. If a chemical waste container is almost full, immediately notify your instructor 
or the Stock Room Manager:  DO NOT overflow the container. 
 

4. Never put anything (i.e. spatulas, pipets, fingers, etc.) into a reagent bottle.  
Place any unused reagent in the appropriate waste container:  DO NOT 
return it to the bottle. 
 

5. When removing chemicals from the shelf to use somewhere else (i.e. 
balances, etc.) always immediately return them to the shelf. 
 

6. NEVER remove or borrow chemicals from another laboratory. 
 

7. If a required chemical is not available, notify your instructor.  Your instructor 
will have it refilled or replaced. 
 

8. If chemicals are spilled, clean up the mess immediately.  This especially 
includes balances and other equipment and the areas around them.  If you 
are unsure of how to clean up a spill, seek assistance from your instructor. 

 
MATERIAL SAFETY DATA SHEET (MSDS):   
Chemical Manufacturers are required by law to provide MSDSs that contain 
detailed information about the hazards of specific chemicals and how to control 
those hazards (except trade-secret information). 
 
1. MSDSs may have different forms, but each should contain the following 

information:  (a) Material Identification (Chemical Name, Common Name, 
Chemical Formula, Other Names, etc.),  (b) Ingredients and Hazards, (c) 
Physical Data, (d) Fire and Explosion Data, (e) Reactivity Data, (f) Health 
Hazard Information, (g) Spill, Leak, and Disposal Procedures, (h) Special 
Protection Information, (i) Special Precautions and Comments, (j) 
Manufacturer’s Name, Address and Telephone Numbers (including an 
Emergency Information Telephone Number), and (k) the date the MSDS was 
written or revised. 
 

2. MSDSs for all chemicals used in the lab are available in the Service Center. 
 

3. Students that have not been trained in the use of a specific hazardous 
chemical or that are not completely familiar with the hazards and precautions 
of a chemical should read the MSDS prior to using the chemical. 
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EQUIPMENT: 
1. DO NOT use any equipment until you have been properly instructed in its 

use. 
 

2. DO NOT move ANY piece of equipment without the permission of your 
instructor. 
 

3. DO NOT attempt to alter or repair any piece of equipment.  If it is not in 
proper working order, inform your instructor. 
 

4. Clean all equipment immediately after you have finished using it and, if it was 
borrowed or checked out, return it immediately. 

 
STOCK ROOM: 
1. The Stock Room Manager provides equipment, chemicals, and safety support 

for laboratories. 
 
2. The Stock Room Manager WILL NOT issue chemicals or equipment (other 

than those specifically listed for an experiment, student locker or instructional 
laboratory) without the consent of the instructor. 

 
PREGNANCY: 
Women that are, or may become, pregnant or are considering becoming 
pregnant should carefully determine, upon consultation with their personal 
physician if there is any contraindication to their participation in a laboratory 
program.   
 
EMERGENCIES: 
In the event of ANY EMERGENCY, notify your instructor or Stock Room 
personnel. 



7 
 

Laboratory Safety Quiz 
 
      Name_________________________ 
 
1.  Indicate where each of the following are located in the lab. 
 
a.  fire extinguisher  __________________________________________ 
 
b.  safety shower  __________________________________________ 
 
c.  eyewash   __________________________________________ 
 
d.  fire alarm   __________________________________________ 
 
e.  fire blanket  ___________________________________________ 
  
f.  first aid kit   __________________________________________ 
 
g.  spill kit   __________________________________________ 
 
h.  glass disposal  ___________________________________________ 
 
2.  Briefly describe the appropriate clothing for the Chem 122 laboratory. 
 
 
 
 
 
 
3.  What should you do when you first walk into the lab? 
 
 
 
 
 
 
5.  What should you do if your partner has been cut by a piece of glass? 
 
 
 
 
 
 
6.  How should you hold a container when pouring? 
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7.  After finishing up your experiment, what should you do before you leave the 
laboratory? 
 
 
 
 
 
 
8.  What should you do immediately if your clothing catches on fire? 
 
 
 
 
 
 
9.  If a chemical gets into your eyes how long should you flush them with water? 
 
 
 
 
 
 
10.  Where should you dispose of all broken glass? 
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BALANCE INSTRUCTIONS 

1. Be sure to clean off the pan and area around the pan with the brush provided. 

2. You must weigh your substance in a container such as a beaker, flask, weigh 
boat, or weighing paper.   

3. Chemicals and containers to be weighed must be at room temperature.  If 
they are warm, they will weigh light due to the convection currents set up in 
the balance which will “lift” the pan. 

4. Zero the balance.  The balance will automatically subtract off (tare) the weight 
of the weighing container. 

5. Place your object to weigh on the balance pan.  Close the door(s) of the 
balance if applicable. 

6. Always use the same balance each time you weigh something in an 
experiment. 

7. Record your value with the appropriate unit in your notebook. 

8. Remove your object and make sure the balance is clean.  Brush away any 
spilled chemical into the chemical waste container. 
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LABORATORY NOTEBOOK FORMAT 
 
The activities of science require laboratory observations and measurements.  
The progress of science requires communication of experimental results among 
the scientific community; therefore experimental results and activities are 
recorded constantly in notebooks and log books by scientists and engineers.  
Learning to prepare and maintain a laboratory notebook is an important part of 
understanding the nature of scientific inquiry. 
 
In this course your experimental data, observations, and conclusions will be 
recorded in a carbonless laboratory notebook. 
 
Getting Your Notebook Started – All notebook entries must be made in 
permanent (not water-soluble) ink.  Erasable ink pens are not acceptable. 
 
1.  Put the HEADING, or title, at the top of the page of the experiment.  The 
HEADING should include the Experiment number and title, your name, the 
names of lab partners, lab section number or time, and the date.   
 
2.  Put the experiment number at the top of EVERY notebook page to which it 
pertains. 
 
3. All blank pages, half-pages, and unused data tables should have a SINGLE 
diagonal line drawn across them.  This must be done BEFORE turning your lab 
notebook pages in for grading. 
 
4.  Use large, clear writing and avoid crowding too much in a small area; spread 
out your entries and use adequate space in your notebook.  Use of paste, tape, 
or glue to affix purpose, procedure, questions, or data in the notebook is not 
acceptable.  Your instructor will announce any exceptions. 
 
5.  Never erase or remove anything from a lab notebook.  Do not use white- 
out.  Do not remove pages.  Do not cover up pages. If an error is made in writing 
the report, draw a single line through it.   
 
The Experimental Write-up 
 
Each experiment write-up has EIGHT sections.  They are to be arranged in the 
following order (unless otherwise specified).  ALWAYS have the first THREE 
sections written in the notebook BEFORE coming to lab.    
 
Your DATA TABLES should be ready to accept experimental data as you do the 
lab.  These three sections may be checked by your instructor during the first part 
of lab.   
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All information must be written in the laboratory notebook (use ink, not 
pencil).  NEVER write information pertinent to your lab on the lab manual 
pages, notebook paper, nor paper towels.   
 
Section I: 
Objective (or Purpose):  One or two sentences should be used to describe WHY 
the experiment is being performed.  After pre-reading the lab and thinking about 
topics discussed in lecture, you should be able to devise a short explanation 
about why you are performing this experiment. 
 
Section II:   
Experiment Procedure:  There are 3 parts to this section.   
 
A. The procedure needs to be written in your own words.  You will not be 

allowed to bring the lab manual with you into lab.  Therefore, your 
experimental procedure should be thoroughly written so that you or anyone 
else in the lab could duplicate the experiment.   

 
B. List the safety precautions addressed in the lab.  Leave enough room for a 

sentence or two about safety that your instructor gives during the 
introduction of lab for that particular experiment.    

 
C. List special waste disposal procedures.   
  
Section III:   
Data:  Data and calculations are the heart of the write-up.  Do not use the pages 
in this lab manual to record your data.  Prepare your Data Tables PRIOR to 
coming to lab.  This will enable you to be more organized and your lab notebook 
will be easier to use.  Be sure to clearly label all data.  If more than one Data 
Table is used, label them A, B, etc.   Data must be recorded in the Data Tables 
as you read the information directly from the instruments in the lab (burets, 
balances, calipers, etc).  This information is recorded once in your lab notebook, 
so be careful and neat when you enter it.  Always leave room near your Data 
Tables to record the DATE on which the measurements were made.  Don’t 
forget to include a place for your UNKNOWN NUMBER if an unknown is 
used in the experiment.   
 
Section IV:   
Chemical Equations:  Include balanced chemical equations for any reactions that 
took place during the experiment.  Identify which equations were used in your 
calculations (i.e. stoichiometric calculations). 
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Section V:   
Calculations:  Label your calculations clearly and neatly.  If calculations pertain to 
a specific data table, indicate the table to which they refer.   When correcting 
errors in data or calculations, remember NEVER to “cover-up” the mistake.  
Instead, use a SINGLE STRAIGHT LINE to indicate the entry was in error.   
 
Section VI:   
Sources of Experimental Error:  Comment on general SOURCES OF ERROR: 
accuracy of instruments, inconsistent heating, splattering, spillage, chemical 
purity, etc. Other sources of error may be factors you feel particularly influenced 
your precision and accuracy.  Note:  You, your lab partner, or your calculator, are 
NOT sources of experimental error. 
 
Section VII:   
Summary of Results:  The summary consists of three parts.   
 

A. A small table listing the Final Results of the experiment.  This table should 
contain your unknown number(s) and the numerical and qualitative 
findings (values) determined in the course of the experimental procedure.  
Note:  Occasionally a table of final results is not applicable.  Ask your 
instructor if you are not certain whether or not to include this table in your 
lab report.   

 
B. A short, thoughtful DISCUSSION of the theory (generally lecture material) 

involved in the experiment and how it was applied to the purpose of the 
lab.  Indicate how your final results were obtained.  Your discussion 
should also address how accurate the results are.  

C. Your signature and the date you finished the write-up of the experiment.  
This indicates to your instructor that the lab report is complete.  After the 
lab has been signed and dated, additions or deletions from the report are 
strongly discouraged. 

 
Section VIII:   
Supplementary Problems/Questions:  At times, there will be supplementary 
problems assigned  for the experiment.  They should be placed after your 
signature but before the next lab. These questions or problems are included to 
test your ability to transfer knowledge or procedures learned from lab 
experiments to related problems.  Be sure to clearly SHOW YOUR WORK, 
include UNITS, and be mindful of SIGNIFICANT FIGURES. 
 
Turning In Your Lab.  Carefully tear out the WHITE COPY ONLY from your lab 
notebook.  Leave the carbon copy in your notebook.  Staple all pages in the 
correct order and turn them in at the beginning of lab one week from the day the 
lab was completed or on a specified date. 
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UNCERTAINTIES IN MEASUREMENT 
 
Measurements are essential as they lead to important hypotheses and laws of 
science and technology. The length, mass, volume, density, etc. of many objects 
and substances are determined every day. Because of this it is necessary to 
evaluate the reliability or limitations associated with these measurements.  There 
are two contributing factors associated with measured values; their PRECISION 
and their ACCURACY. 
 
PRECISION involves the variations in data introduced when experiments are 
performed using the same apparatus and procedure.  Precision can be 
associated with the word “reproducibility”.  In other words, the precision of a 
measured number is the extent of agreement between repeated measurements 
of its value. 
 
ACCURACY is the agreement of a measurement with the observed “BEST” 
value and the “TRUE” or accepted value.  It is best obtained by experienced 
observers and well-tested procedures. 
 
ERRORS are always present in measurements; no instrument gives an exact 
measurement.  Two sources of error are:  (a) Systematic errors (such as the 
degree of accuracy of balances or instruments) and (b) Random errors 
(carelessness, incorrect readings by investigator).  A major objective in taking 
measurements is to minimize all sources of error.   
 
UNCERTAINTIES are ranges that reflect the accuracy of the measuring device.  
Accuracies associated with various equipment and instruments:  They reflect the 
limitations in the reading of the instruments and are not systematic errors.  No 
instrument provides an exact measurement.   

 
Triple Beam Balances (centigram balance) ............................ + 0.01 g 
Milligram Balances ................................................................. + 0.001 g 
Analytical Balances................................................................. + 0.0001 g 
100 mL Graduated Cylinders................................................... + 0.2 mL 
50 mL Graduated Cylinders..................................................... + 0.2 mL 
10 mL Graduated Cylinders .................................................... + 0.1 mL 
50 mL Buret ............................................................................ + 0.02 mL 
Beaker..................................................................................... + 5 % 
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Experiment 1:  Working with Laboratory Tools 
 
Purpose:   
 
In this lab, you will use three different types of glassware to dispense a particular 
volume of water.  You will then calculate the volume of water based on the mass 
and density to determine which piece of glassware is the most accurate for 
dispensing volume.   
 
 
Introduction:   
 
The chemistry laboratory is much like a kitchen.  When you cook you transform 
raw meats and vegetables into edible meals.  In the laboratory you will be 
transforming chemicals into new substances.  Generally, when you first start 
cooking you have to learn about the equipment available to you.  You will be 
dispensing 25.0 mL of water using three different types of glassware. 
 
 
Procedure:   
 
You need to work with clean and undamaged glassware.  Please make sure 
that there are no cracks or signs of breakage on any of your glassware.   
Be sure to use the same top-loading balance for the entire exercise. 
 
Before you begin the experiment, record the temperature in the laboratory 
room.  Then use the CRC Handbook of Chemistry and Physics to determine 
(and record) the density of water. 
 
A.  Buret 
1. As demonstrated by your laboratory instructor, clean a buret once with tap 

water and once with distilled water. 
 
2. Fill the buret to just above the zero mark with distilled water.  Drain the buret 

until the water level is at the zero mark.  Be sure there are no air bubbles in 
the bottom of the buret.  To remove any air bubbles open the stopcock and let 
some of the water drain out.  You will be able to see when the air bubble is 
gone.  Record the initial buret reading. 

 
3. Weigh a clean 50 mL beaker and record the mass. 
 
4. Dispense 25 mL of distilled water from the buret into the pre-weighed 50 mL 

beaker.  Record the final buret reading. 
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5. Weigh the beaker with the water.  The outside of the beaker must be dry 
because water can ruin the balance.  Record the mass of the beaker and 
water. 

 
6. Empty the beaker and then repeat steps 3 through 5 with two more 25 mL 

portions of distilled water. 
 
B.  Pipet 

 
USING A PIPET 

Hold the pipet in the liquid that you wish to transfer without touching the sides or 
bottom of the container with the pipet tip.  With you other hand, squeeze the pipet 
bulb gently and then gently place it on the end of the pipet to form a tight seal.  
Release the bulb slowly to allow the liquid to slowly rise in the pipet.  Slightly 
overshoot the marking on the pipet, making certain that no liquid enters the pipet 
bulb.  Replace the bulb with your index finger.  Slightly release your finger until 
the level of the liquid lowers to the marking.  Then stop the flow of liquid by 
replacing your index finger.   
 
Position the pipet above the container that you are transferring to and release 
your index finger to allow the liquid to drain completely.  There will be some liquid 
remaining in the pipet tip, this is expected.   
 
1. Clean a 25 mL pipet with distilled water by drawing water into the pipet and 

flushing it out. 
2. Add about 70 mL of distilled water into a clean 100 mL beaker. 
 
3. Weigh a clean 50 mL beaker and record the mass.  The inside of the beaker 

does not have to be dry. 
 
4. As demonstrated by your laboratory instructor pipet 25 mL of distilled water 

into the 50 mL beaker. 
 
5. Weigh the beaker with the water.  The outside of the beaker must be dry 

before weighing.  Record the mass of the beaker and water. 
 
6. Empty the beaker and then repeat steps 3 through 5 with two more 25 mL 

portions of distilled water.   
 
C.  Graduated Cylinder 
1. Clean a 100 mL graduated cylinder with distilled water. 
 
2. Weigh a clean 50 mL beaker and record the mass. 
   
3. Transfer 25 mL of distilled water into the beaker using the graduated cylinder.  

Record the volume of water transferred. 
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4. Weigh the beaker with the water.  The outside of the beaker must be dry 

before weighing.  Record the mass of the beaker and water. 
 
5. Empty the beaker and then repeat steps 2 through 4 with two more 25 mL 

portions of distilled water.   
 

Data Tables: 
 
Temperature:  _________________ Density of Water:  ________________ 
 
Part A—Buret Trial 1 Trial 2 Trial 3 
Mass of clean 50 mL beaker    
Mass of beaker and 25 mL of water    
Mass of water    
Initial buret reading    
Final buret reading    
Volume of water dispensed from buret    
Volume of water dispensed based on the density 
calculation 

   

Part B—Pipet    
Mass of clean 50 mL beaker    
Mass of beaker and 25 mL of water    
Mass of water    
Volume of water dispensed from the pipet    
Volume of water dispensed based on the density 
calculation 

   

Part C—Graduated Cylinder    
Mass of clean 50 mL beaker    
Mass of beaker and 25 mL of water    
Mass of water    
Volume of water dispensed from the graduated cylinder    
Volume of water dispensed based on the density 
calculation 

   

 
 
Calculations: 
 
Part A: 
1. Determine the mass of water for each trial. 
 
2. Using the recorded density, determine the volume of water that was 

dispensed from the buret for each trial. 
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3. Determine the percent error of the measured water volume compared to the 
calculated water volume.  You may use the average of each value for this 
calculation. 

 

% 𝑒𝑒𝑒𝑒𝑒𝑒𝑒𝑒𝑒𝑒 =
𝑚𝑚𝑒𝑒𝑚𝑚𝑚𝑚𝑚𝑚𝑒𝑒𝑒𝑒𝑚𝑚 𝑣𝑣𝑚𝑚𝑣𝑣𝑚𝑚𝑒𝑒 − 𝑐𝑐𝑚𝑚𝑣𝑣𝑐𝑐𝑚𝑚𝑣𝑣𝑚𝑚𝑐𝑐𝑒𝑒𝑚𝑚 𝑣𝑣𝑚𝑚𝑣𝑣𝑚𝑚𝑒𝑒

𝑐𝑐𝑚𝑚𝑣𝑣𝑐𝑐𝑚𝑚𝑣𝑣𝑚𝑚𝑐𝑐𝑒𝑒𝑚𝑚 𝑣𝑣𝑚𝑚𝑣𝑣𝑚𝑚𝑒𝑒
×100% 

 
 
Part B: 
1. Determine the mass of water for each trial. 
 
2. Using the recorded density, determine the volume of water that was 

dispensed from the pipet for each trial. 
 
3. Determine the percent error of the measured water volume compared to the 

calculated water volume.  You may use the average of each value for this 
calculation. 

 
Part C: 
1. Determine the mass of water for each trial. 
 
2. Using the recorded density, determine the volume of water that was 

dispensed from the graduated cylinder for each trial. 
 
3. Determine the percent error of the measured water volume compared to the 

calculated water volume.  You may use the average of each value for this 
calculation. 

 
 
Supplementary Questions 
 
1. Which type of glassware gave a more precise volume measurement?  And 

why? 
 
2. Which type of glassware gave a more accurate volume measurement?  And 

why? 
 
3. Why is it important to remove any air bubbles from the buret before it is used? 
 
4. If there had been an air bubble in your pipet when dispensing the water, how 

would this affect your accuracy? 
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Experiment 2:  Periodic Trends 
(Adapted from OSU’s Chemistry 122 Lab Manual) 

 
Purpose:   
 
In this lab, you will explore periodic trends regarding density and reactivity. 
 
 
Introduction:   
 
In the modern periodic table elements are arranged according to increasing 
atomic number in horizontal rows called “periods”.  Atomic numbers, which 
represent the number of protons in an atom of a given element, are listed directly 
above the element symbols in the periodic table in this lab manual. 
 
The structure of the periodic table is such that elements with similar properties 
are in the same column or “group”.  Each group has a number associated with it 
and some groups have names associated with them.  For example, the elements 
in Group 1 (hydrogen excluded) are called the alkali metals.  These metallic 
elements react with water to form basic solutions.  The equation below shows the 
reaction between sodium metal and water: 
 

2 Na (s) + 2 H2O (l) → 2 NaOH (aq) + H2 (g) 
 

While all alkali metals exhibit this characteristic reactivity towards water, they do 
so to a varying degree.  The reactivity of these metals increases as you move 
down the group.  This ranking in reactivity (Li < Na < K) is in accordance with 
periodic law and can be predicted by periodic trends in first ionization energies.  
Given the reactivity of alkali metals towards water, they are stored in kerosene, 
mineral oil, or an inert gas. 
 
The arrangement of the elements in the periodic table gives rise to trends in 
properties as one moves down the periodic table within a specific group or as 
one moves horizontally along a given period.  For instance, first ionization 
energies generally increase across a given period of the periodic table and 
generally decrease down a given group.  The reactivities of the elements and 
their compounds also follow trends within a group and across a period. 
 
Safety: 
 
Concentrated hydrochloric acid is corrosive, and it requires careful handling. 
Avoid contact with skin. Flush any affected area with running water. In the event 
of a spill, neutralize the acid spills with sodium bicarbonate and wash with a wet 
sponge.  
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Hydrogen gas will be generated in some of the reactions in this lab.  This 
colorless, odorless gas is highly flammable. 
 
Test tubes must be held with test tube clamps or placed in a beaker during this 
lab.  Some of the reactions generate heat and the test tube may get quite warm. 
 
Procedure: 
 
Part A 
1. Label three beakers or small containers Si (silicon), Sn (tin) and Pb (lead). 

 
2. Obtain approximately 8 g of silicon in the appropriately labeled beaker. Be 

sure not to move or readjust the balances when you use them – they are very 
sensitive. Measure the combined mass of the beaker plus solid and record 
the value in the Data Table. (Note: This value is the initial mass for sample 1.) 

3. Fill a 100-mL graduated cylinder half-full with water. Measure the initial 
volume of water and record the value to the nearest 0.1mL in the Data Table. 

4. Using forceps or tongs, carefully add about one-third of the silicon lumps to 
the graduated cylinder (enough to raise the water level in the cylinder by at 
least 1.0 mL). Add the solid slowly, so as to avoid splashing or breaking the 
glass cylinder. 

5. Measure and record the new (final) volume of water plus silicon in the 
graduated cylinder. 

6. Measure and record the combined mass of the labeled beaker and remaining 
solid in the Data Table. (Note: This value is the final mass for sample 1.) 

7. Repeat steps 4-6 twice with the remaining amount of solid in the beaker. 
Record all initial and final mass and volume data in the Data Table. There 
should be a total of three sets of mass and volume data (sample 1-3). 

8. Empty the water from the graduated cylinder and carefully pour the silicon 
chunks onto a paper towel and allow them to dry. Do not allow any of the 
solid to go down the drain. 

9. Rinse the graduated cylinder with water to make sure that all of the solid has 
been removed. 

10. Obtain approximately 25 g of tin shot in the appropriately labeled beaker. 
Measure the initial mass of the container plus solid to the nearest 0.01 g and 
record the value in the Data Table. 
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11. Repeat steps 3-9 using tin. Record all initial and final mass and volume data 
in the Data Table. 

12. Obtain approximately 35 g of lead shot in the appropriately labeled beaker. 
Measure the initial mass of the container plus solid to the nearest 0.01 g and 
record the value in the Data Table. 

13. Repeat steps 3-9 using lead. Record all initial and final mass and volume data 
in the Data Table. 

14. Return the correctly labeled solids to your instructor for reuse.  

 
Part B 
For all steps, test tubes must be held with test tube clamps or placed in a 
beaker. 
1. Obtain five small test tubes and one large test tube.  Place 10 drops of 6 M 

HCl in each test tube. 
 

2. Examine how Ca, Cu, Fe, Mg, Sn, and Zn react with hydrochloric acid by 
adding a small piece of each metal to a different test tube. Use the large test 
tube for Ca. 
 

3. Monitor the solutions for evidence of a chemical reaction.  For example, look 
for the evolution of a gas or a persistent color change.  If a reaction occurs, 
the relative speed of the reaction should be noted. 
 

4. Pour the contents of the test tubes into a beaker.  Use forceps to remove all 
pieces of used metal from this waste beaker and place them in the marked 
container (“solid metal waste”) in the fume hood. Do not put any liquid into the 
solid metal waste container. Add small amounts of baking soda (sodium 
bicarbonate) to the waste beaker until it no longer bubbles after an addition.  
The contents of the beaker can now be poured down the drain.  Rinse all the 
test tubes. 

 
 

Pre-Lab Questions:  Periodic Trends  
 
1. What are you measuring in Part A of this lab?  
 
2. What are you observing in Part B of this lab?  
 
3. What should you do with the waste generated in Part B of the lab? 
 
4. What is the difference between accuracy and precision? 
 



21 
 

5. What are some possible sources of uncertainty in the lab? (Give at least three 
examples.) 
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Data Tables: 
 
Part A 

Silicon Trial 1 Trial 2 Trial 3 
Initial Mass    
Final Mass    

Mass of Solid    
Initial Volume    
Final Volume    

Volume of Solid    
Density    
Average 
Density  

 
 

Tin Trial 1 Trial 2 Trial 3 
Initial Mass    
Final Mass    

Mass of Solid    
Initial Volume    
Final Volume    

Volume of Solid    
Density    
Average 
Density  

 
 

Lead Trial 1 Trial 2 Trial 3 
Initial Mass    
Final Mass    

Mass of Solid    
Initial Volume    
Final Volume    

Volume of Solid    
Density    
Average 
Density  

 
  



23 
 

Part B 
The observations for how each metal reacts with hydrochloric acid should be 
recorded in a table like the one shown below. 
 

 
 
Calculations: 
 
1. Calculate the mass of metal used for each trial. 
 
2. Calculate the volume of metal used for each trial. 
 
3. Using the mass and volume measurements calculated, determine the density 

of the metal for each trial. 
 
4. Determine the average density for each metal. 
 
 
Supplementary Questions: 
 
Part A: 
1. Predict a reasonable value for the density of germanium based on the 

average density values you calculated. 
 
2. Look up the literature values for the densities of silicon, tin, and lead. Are your 

measurements accurate? Are they precise? Explain. 
 
3. Look up the literature value for the density of germanium. How accurate is 

your prediction? Explain. 
 
Part B: 
1. Use your observations to help you rank Ca, Cu, Fe, Mg, Sn, and Zn in terms 

of increasing reactivity.  List your ranking below and explain how you arrived 
at your ranking. 

 
2. Explain the difference in reactivity of Ca and Mg. (Hint: think about electrons) 
 
3. Based on your observations, what can you predict about the reactivity of Sr? 

Ba? 

Metal Reaction with Hydrochloric Acid (HCl) 
Ca  
Cu  
Fe  
Mg  
Sn  
Zn  
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Experiment 3:  Lewis Structures 
 

Purpose:   
 
In this lab you will draw the BEST Lewis structure for the formulas given. 
 
 
Introduction:   
 
A Lewis structure shows how the atoms in a molecule or polyatomic ion are 
bonded together.  Lewis structures are very important for explaining properties of 
compounds, such as polarity.  Also, they can be used to show how reactions take 
place.  
 
There are no set rules for drawing Lewis structures, but there are guidelines that 
can be used to help with how you represent your Lewis structures.  The 
guidelines are as follows: 
 
1. Decide on the central atom—usually the one with the lowest electronegativity 

(or the one written first in the formula). 
a. C, N, P, & S are common central atoms. 
b. Halides are usually terminal except when bonded with oxygen (in 

oxoacids) or other halides. 
c. Hydrogen is always terminal because it can only form one bond. 
d. Sometimes it helps to look at how many bonds each atom wants.  The 

atom that can form the most bonds is usually the central atom. 
 

2. Determine the number of valence electrons for the molecule or ion. 
 
3. Use a line to form a single bond (which shows the two electrons being 

shared) between the central atom and each terminal atom. 
 
4. The remaining electrons are placed around the terminal atoms (except H) as 

lone pairs (two dots equal one lone pair).  Each terminal atom (except H) 
should be surrounded by eight electrons.  If there are any leftover electrons, 
then must be placed around the central atom. 
a. Central atoms in the third energy level or higher can have more than 8 

electrons. 
b. Boron is a central atom that can handle six electrons instead of the eight. 
 

5. If the central atom has less than 8 electrons, take one of the lone pairs from a 
terminal atom and form a double bond between that terminal atom and the 
central atom.  Repeat this if the central atom still does not have 8 electrons 
and therefore needs a triple bond. 
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To draw the BEST Lewis structure, you must look at the formal charge of each 
atom.  The formal charge is the charge assigned to an atom assuming the 
electrons in the bond are shared equally.  Formal charge is determined by taking 
the number of valence electrons an atom has and subtracting the electrons 
associated with the atom in the Lewis structure. 

FC = VE − (NBE + ½ BE) 
 
Where FC is the formal charge, VE is the valence electrons, NBE is the non-
bonding electrons, and BE is the bonding electrons. 
 
The BEST Lewis structure will have the lowest magnitude of formal charge and 
the negative charge will be on the most electronegative atom. 
 
There may be times when more than one Lewis structure can be drawn with 
same central atom and connectivity.  In this instance the molecule or polyatomic 
ion is said to have resonance (meaning the electrons are delocalized 
throughout).  Each of the structures drawn are called resonance structures.  It is 
possible for one resonance structure to contribute more to the overall structure 
than another, this is determined using the formal charges.  However, there are 
times where each resonance structure contributes equally, this is also 
determined using the formal charges. 
 
 
Procedure:   
 
1. Draw the BEST Lewis structure for each of the twenty formulas given:  BeF2, 

PBr5, ClF4+, SF5−, ClO3−, SCl4, NI3, PO43−, I3−, XeF4, COCl2, BrF3, SO3, O3, 
CO32−, SO32−, CHCl3, C2H2, SeF4, SF3+.  If more than one Lewis structure can 
be drawn as the BEST structure, then draw all the resonance structures that 
contribute equally. 

 
2. Show the formal charge calculation for each atom in your structure. 
 
 
Supplementary Questions: 
 
1.  Draw three Lewis structures for SCN−.  Each Lewis structure should have a 

different central atom.  Determine which of the three is the BEST Lewis 
structure for SCN−.  Briefly explain your answer. 

 
2.  Draw three resonance structures for OCN−.  Determine which structure is the 

most plausible.  Briefly explain your answer. 
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Experiment 4:  Molecular Geometry 
 

Purpose:   
 
In this lab you will be drawing Lewis structures as you did in the previous 
experiment and then you will be determining the electron geometry, molecular 
geometry, and ideal bond angle(s) for each molecule and ion given.  You will also 
determine if the molecules are polar or non-polar. 
 
 
Introduction: 
 
VSEPR Theory 
This theory is used to predict geometries since electron pairs (areas of electron 
density) want to arrange themselves as far from one another as possible.  For 
example, a compound with four areas of electron density will have bond angles 
of 109.5º (a 3-D arrangement of the electron pairs) not 90º (a 2-D arrangement of 
the electron pairs). 
 
There are two types of geometries that can be determined using VSEPR theory:  
electron and molecular.  Electron geometry considers all areas of electron 
density (both bonding and non-bonding).  Whereas molecular geometry 
considers only the areas of electron density involved in bonding.  Electron and 
molecular geometry will only be the same when there are no lone pairs around 
the central atom. 
 
Let’s look at ammonia (NH3).  The Lewis structure is shown below.   

N
H

H
H

..
 

 
Ammonia has four areas of electron density (three bonding and one lone pair), 
which means it has a tetrahedral electron geometry.  The molecular geometry, 
in this case, will be different from the electron geometry because there is one 
lone pair on the nitrogen.  Therefore, when determining the molecular geometry, 
you are only looking at the shape of the molecule based on the arrangement of 
the nitrogen and hydrogen atoms.  This leads to a trigonal pyramidal molecular 
geometry. 
 
You can also use these geometries to determine bond angles as well as the 
molecular polarity.  For the ammonia example, the ideal bond angle is 109.5° 
based on the tetrahedral electron geometry.  A table of possible electron and 
molecular geometries can be found on page 27.  
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Molecular Polarity 
There are two types of covalent bonds; either polar or nonpolar.  A nonpolar 
bond is one in which the electrons in the bond are shared equally between the 
atoms (i.e. no difference in electronegativity).  A polar bond results when the 
electrons are attracted to one of the bonding atoms more strongly than the other 
atom. This occurs due to differences in the electronegativity of the atoms.  The 
atom with a greater electronegativity will be more “greedy” for the electrons in the 
bond and therefore, will have a partial negative charge (δ−).  While the other 
atom in the bond will have a partial positive charge (δ+).  The greater the 
difference in electronegativity the more polar the bond (or the 
greater the dipole).   
 
 
 
 
 
The Lewis structure above shows the bond polarity for HCl.  The separation of 
charge is shown as a partial (δ) positive and negative.  The arrow shows the 
direction of the dipole and points towards the higher electron density. 
 
A molecule will be polar (or have a dipole) if it has polar bonds and an overall 
slight separation of charge.  To determine if a molecule is polar or not, the bond 
polarities and the geometry of the molecule need to be considered.  The main 
determining factor for molecular polarity will be if there are lone pair electrons 
around the central atom.  In general, a molecule will be nonpolar if any of the 
following are true:  (1) the terminal atoms surrounding the central atom are the 
same and equidistant from each other and there are no lone pairs of electrons 
around the central atom and (2) the molecule is a hydrocarbon.   
 
Another way to think about molecular polarity is that the terminal atoms are 
playing tug-of-war with the central atom.  If the central atom were to move due to 
the pull of the terminal atoms, then the molecule is polar.  If the central atom 
would not move, then the molecule is nonpolar.  
 
  

H Cl 
δ+ δ- 
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Electron and Molecular Geometries 
Areas of 

Electron Density 
Lone 
Pairs Electron Geometry Molecular Geometry Bond Angles* 

2 0 Linear Linear 180° 

3 0 Trigonal planar Trigonal planar  120° 
1 Bent <120° 

4 
0 

Tetrahedral 
Tetrahedral 109.5° 

1 Trigonal pyramidal <109.5° 
2 Bent <109.5° 

5 

0 

Trigonal bipyramidal 

Trigonal bipyramidal 90° & 120° 
1 See-Saw <90° & <120°  
2 T-shaped <90° 
3 Linear 180° 

6 
0 

Octahedral 
Octahedral 90° 

1 Square pyramidal <90° 
2 Square planar 90° 

*Bond angles are approximate and will vary slightly based on the molecule. 
 
 
Procedure:  
Draw the best Lewis structure for the formulas given.  Then you will need to 
construct the molecule/ion using a model kit.  When you are finished, provide the 
information requested under the Data Table section of the lab. 
 

HCN CS2 
BF3 BF4− 

NO3- CH2O 
NH4+ H3O+ 

CH2F2 OF2 
ClF3 PF5 
XeF2 SeF6 
NO2− NO2+ 
BrO2− BrF5 

O3 PO33− 

 
 

Pre-Lab Questions:  Molecular Geometry 
 
1. Draw the BEST Lewis structure for CCl4, CCl2F2, and NH3 and determine their 

electron and molecular geometries. 
 
2. Determine if the molecules in number 1 are polar or nonpolar. 
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Data Table: 
 
The data table in your lab report should include the following information for each 
of the molecules or ions. 
 

• The chemical formula 
• The Lewis structure with formal charges, including any resonance 

structures 
• A 3-D representation of the structure 
• Electron geometry 
• Molecular geometry 
• Bond angle(s) 
• Molecular polarity (this is only needed for the molecules, not the 

ions) 
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Experiment 5:  Paper Chromatography 
 
Purpose:   
 
The purpose of this experiment is to use the technique of paper chromatography 
to separate colored compounds from various mixtures and determine the brand 
of pen used for an unknown sample.  
 
 
Introduction:   
 
The mixtures used in this experiment will be the inks used in a variety of pens.  
The separation technique used in this experiment is called paper 
chromatography.  Other kinds of chromatography used in chemistry are thin-
layer, gas-liquid, and high-performance liquid chromatography.  For each type of 
chromatography, separations are based on the intermolecular attractions 
between molecules.   
 
In paper chromatography, separations occur depending on the attractions 
between the sample (solute) and the paper (stationary phase) and the sample 
(solute) and the solvent (mobile phase).  As the solvent travels through the 
paper, the solute molecules that have weaker intermolecular attractions with the 
paper compared to the solvent will travel further up the paper and the solute 
molecules that have stronger intermolecular attractions with the paper compared 
to the solvent will not travel as far. 
 
The different components in the sample can be identified by their Rf values.  The 
Rf values compare the distance traveled by the component with the distance 
traveled by the solvent.  A larger Rf value indicates the solute molecule traveled 
further on the paper and therefore has intermolecular attractions similar to that of 
the solvent. 
 

𝑅𝑅𝑓𝑓 =
𝑚𝑚𝑑𝑑𝑚𝑚𝑐𝑐𝑚𝑚𝑑𝑑𝑐𝑐𝑒𝑒 𝑐𝑐𝑒𝑒𝑚𝑚𝑣𝑣𝑒𝑒𝑣𝑣𝑒𝑒𝑚𝑚 𝑏𝑏𝑏𝑏 𝑚𝑚𝑒𝑒𝑣𝑣𝑚𝑚𝑐𝑐𝑒𝑒 (𝑚𝑚𝑒𝑒𝑚𝑚𝑚𝑚𝑚𝑚𝑒𝑒𝑒𝑒𝑚𝑚 𝑚𝑚𝑐𝑐 𝑐𝑐ℎ𝑒𝑒 𝑐𝑐𝑒𝑒𝑑𝑑𝑐𝑐𝑒𝑒𝑒𝑒 𝑒𝑒𝑜𝑜 𝑐𝑐ℎ𝑒𝑒 𝑚𝑚𝑠𝑠𝑒𝑒𝑐𝑐)

𝑚𝑚𝑑𝑑𝑚𝑚𝑐𝑐𝑚𝑚𝑑𝑑𝑐𝑐𝑒𝑒 𝑐𝑐𝑒𝑒𝑚𝑚𝑣𝑣𝑒𝑒𝑣𝑣𝑒𝑒𝑚𝑚 𝑏𝑏𝑏𝑏 𝑚𝑚𝑒𝑒𝑣𝑣𝑣𝑣𝑒𝑒𝑑𝑑𝑐𝑐
 

 
 
Procedure:   
 
You and your partner will be given an assortment of marking pens.  Record the 
color and type of each pen.  Keep in mind that this will be a collaborative 
experiment, so you may need to observe and record the results of other 
students. 
 
1. Obtain a 600 mL beaker and place about 1 cm of tap water in it.  Wipe the top 

of the beaker so that no water is near the top. 
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2. Cut five strips of filter paper 15 cm long. 
 

3. Draw a line in pencil 2 cm from the bottom.  Label (using pencil) the top of 
the paper with the ink color. 
 

4. Place a fold in the top of the paper at the height of the beaker. 
 

5. Using one ink pen per strip, dot the ink 3 to 4 times (in the same place) in the 
 middle of the pencil line.   
 

6. Hang the strips in the beaker of water and cover with a watch glass.  Allow 
the water to rise approximately 8cm from the pencil line. 
 

7. Immediately put a pencil mark at the top of the solvent front.  Also put a pencil 
mark at both the leading and trailing edge of each colored spot. 
 

8. Dry the paper on a paper towel.  Then measure the distance, in cm, from the 
bottom line to the solvent front and measure the distance, in cm, from the 
bottom  line to the top of each color marking. 
 

9. Calculate the Rf values from each component in the ink. 
 

10. Obtain a strip of filter paper with an unknown ink sample from your instructor 
and repeat steps 6-9. 
 

11. Attach your chromatograms to your laboratory report. 
 
 
Pre-Lab Questions: 
 
1. Why should you use a pencil to make your marks on the chromatography 

paper?  Explain. 
 
2. Why do you think it is important to choose a solvent that is not attracted to all 

components of your mixture? Explain. 
 
3. A student performs a paper chromatography experiment in which the solvent 

traveled 7.84 cm.  There different components were observed.  Determine the 
Rf values for each component if component A traveled 6.34 cm, component B 
traveled 4.71 cm, and component C traveled 3.06 cm.  
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Data Table: 
 
Unknown Number:  ______________ 
 

Pen brand & 
color tested 

Number of 
components in 

the ink 

Color(s) on 
Chromatography 

Paper 
Rf value(s) 

    
    
    
    
    

Calculations: 
 
1.  Calculate the Rf values for each component in the pen samples.   
 
 
Supplementary Questions: 
 
1. What colors are in a black pen dye? 
 
2. Is there a true green dye?  Explain. 
 
3. Is the yellow dye found in a black pen the same as the yellow dye found in a 

green pen?  Explain. 
 
4. Is the blue dye found in two different green pens the same compound?  

Explain. 
 
5. How could you determine the percent by mass of a blue dye in a green dye 

using paper chromatography? 
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Experiment 6:  The Enthalpy of Vaporization of Water 
 
Purpose: 
 
During the successful completion of this lab you will:   

• measure the partial pressure of water vapor via Dalton’s Law;   
• investigate the variation of vapor pressure versus absolute temperature; and  
• determine the entropy and enthalpy of vaporization of water via graphical 

analysis of the Clausius-Clapeyron relationship. 
 
Introduction: 
 
For a pure liquid (such as water) in equilibrium with its vapor (gas) at temperature 
T:   
 

H2O(l)  ⇌  H2O(g)     (1) 
 
molecules in the gas phase exert a pressure known as the vapor pressure (Pvap) 
of the liquid.  The vapor pressure for a pure liquid depends solely on 
temperature.  As temperature increases, the vapor pressure increases because a 
larger fraction of molecules possesses sufficient energy to “escape” into the gas 
phase.  A plot of vapor pressure versus absolute temperature is non-linear, 
becoming steeper as the temperature is increased.  This non-linearity makes it 
difficult to estimate or predict vapor pressures at other temperatures from such a 
plot.  A linear relationship is obtained, however, when the natural logarithm of 
vapor pressure is plotted against the inverse of the absolute temperature.  We 
can express this relationship as:  
 

ln(𝑃𝑃) =  𝑚𝑚
𝑇𝑇

+ 𝑏𝑏     (2) 
 
where m and b are constants (the slope and the intercept of the plot of ln P vs. 
1/T).  When we substitute appropriate expressions for the slope and y-intercept, 
obtained from thermodynamics, we obtain what is known as the Clausius-
Clapeyron equation:  
 

ln �𝑃𝑃𝑣𝑣𝑣𝑣𝑣𝑣
𝑃𝑃0
� =  −Δ𝐻𝐻𝑣𝑣𝑣𝑣𝑣𝑣

𝑅𝑅𝑇𝑇
+ Δ𝑆𝑆𝑣𝑣𝑣𝑣𝑣𝑣

𝑅𝑅
     (3) 

 
where ΔHvap is the enthalpy of vaporization, ΔSvap is the entropy of 
vaporization, T is the absolute (Kelvin) temperature, and R (in kJ/mol) is the ideal 
gas constant.  This relationship gives the enthalpy and entropy of vaporization of 
a liquid by measuring its vapor pressure at several temperatures and then 
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plotting the results to obtain the slope and intercept of the line-of-best-fit.  Once 
these thermodynamic quantities are known, the vapor pressure of the liquid at 
any other temperature can also be determined.  In this experiment, you will 
measure the vapor pressure of water at several temperatures to determine the 
enthalpy and entropy of vaporization for water. 
 
A sample of air is trapped over water.  The water and the gas are then heated to 
approximately 80ºC, and the trapped air rapidly becomes saturated with water 
vapor.  The temperature of the water and the volume of the gas are recorded at 
this temperature and others as the bath is cooled, eventually to a temperature 
below 3ºC.  As the system is cooled, the amount of trapped air remains constant 
but the number of moles of water in the gas phase decreases with cooling.  At 
temperatures near 0ºC, the amount of water in the gas phase is less than 1% of 
the total and may be considered negligible.  Therefore, the number of moles of 
trapped air can be found from measurements of volume and pressure at this low 
temperature (this is the only purpose of the low temperature measurement, and 
this point does not go into the plot!).  The ideal gas law allows us to determine 
the pressure of the trapped air at higher temperatures.  The vapor pressure of 
water at the same temperature can then be determined through use of Dalton’s 
Law of Partial Pressures. 
 
There is a small, constant, systematic error in this procedure resulting from the 
use of an inverted graduated cylinder because the meniscus at the gas-water 
interface is reversed.  It has been estimated, by introducing known volumes of air 
into a completely filled, inverted cylinder, that the error introduced through the 
use of a 10 mL graduated cylinder is approximately 0.2 mL.  You will need to 
subtract this value from each volume reading to correct for this systematic error. 
  
 
Safety Precautions: 
 
Always wear safety goggles. 
Hot plates and hot water baths pose burn hazards to exposed skin.  
 
 
Waste: 
 
No waste collection for this lab: all liquids may be rinsed down in the sink.  
 
 
Procedure: 
 
Part 1(Assembling the apparatus):  
1. Fill a 1-L beaker to about 750 mL with deionized water and place the beaker 

on a plastic tray to catch spilled water.   
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2. Remove the plastic base of the 10 mL graduated cylinder so that it will be free 
to sink in the beaker. 
 

3. Fill the graduated cylinder between the 9-10 mL mark with deionized water. 
 

4. Cover the top with a finger and quickly invert & lower the cylinder into the 
water in the beaker so that water completely covers the cylinder.  Once the 
level of the water in the cylinder is below the water level in the beaker, 
remove your finger from the top of the cylinder so that you can fully submerge 
it in the water bath.  An air sample of 3 to 4 milliliters should be trapped within 
the cylinder. 
 

5. Add more water, if necessary, to the beaker to ensure that the trapped air is 
surrounded by water. 
 

6. Record the barometric pressure that your lab instructor has placed on the 
board. 

 
Part 2 (High Temperature Measurements):  
1. Move the beaker carefully to the hot plate and heat to near 80ºC.  Watch the 

volume of trapped air as you do this – when it expands between the 9.50 and 
10.00-mL marks on the scale of the cylinder, turn off the hot plate. 
 

2. As the water cools, keep the stirring on in the beaker to avoid thermal 
gradients and watch the volume of trapped air.  Moreover, make sure that the 
water doesn’t cool more rapidly than about 1 degree-per-minute. 
 

3. When the gas contracts to the point where the volume can be read against 
the scale on the graduated cylinder (at the bottom of the meniscus), record 
the volume to the nearest 0.1 mL and the temperature of the surrounding 
water to the nearest 0.1ºC. 
 

4. Carefully move the beaker and cylinder back to the plastic tray on the bench 
top.  As the water cools, make additional measurements at approximately 
five-degree intervals down to 50ºC.  As the 50ºC is approached, addition of 
small amounts of ice in the beaker may be used to speed cooling.  
 

Part 3 (Low Temperature Measurement):  
1. Cool the water to less than 3ºC (and, if time permits, below 1ºC) by adding ice 

directly to the water in the beaker. 
 

2. Keep the beaker in a bus tub to catch the water overflow as the ice is added. 
 

3. Record the gas volume and the water temperature after the mixture has 
remained below 3ºC for at least 5 minutes. 

 
Clean Up: Pour the water into the sink and dry the benchtop with paper towels.  
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Rinse your glassware with deionized water before drying.  Have your lab 
instructor check your work and initial your lab notebook before leaving. 
Pre-Lab Questions:  
 
1. What are the signs of ΔHvap and ΔSvap for water?  Do you expect the signs of 

these quantities to be the same for other liquids?  Explain. 
 

2. Explain, perhaps with the use of drawings, why the 0.2 mL correction for the 
use of an inverted cylinder is subtracted from (not added to) the measured 
volume. 

 
 
Calculations: 
  
NOTE: It is recommended that you use a spreadsheet program such as Microsoft 
Excel for the calculations associated with this laboratory. 
 
Mathematical Conventions for Logarithms. Mathematically, a logarithm of a 
quantity with units cannot be taken.  In the equations above, ln �𝑃𝑃𝑣𝑣𝑣𝑣𝑣𝑣

𝑃𝑃0
� represents 

the vapor pressure divided by the pressure at the standard state (1 atm or 1 bar).  
If Pvap is given in units of atm, division by P0 simply eliminates the units.  
Therefore, the pressures used in the logarithm calculations below should be 
expressed in units of atm with the units omitted. 
• Set up a table to record your data and calculated values.  A sample table is 
shown below.  Show one sample calculation in detail for each quantity for one of 
your temperature values.  Don’t forget to correct all volume readings by 
subtracting 0.2 mL to compensate for the use of an inverted scale relative to the 
meniscus.    
• Using the atmospheric pressure and the measured values for volume and 
temperature for the trial cooled to less than 3ºC, calculate the number of moles of 
trapped air.  This calculation assumes that the vapor pressure of water is 
negligible compared to atmospheric pressure at these low temperatures. 

𝑑𝑑𝑎𝑎𝑎𝑎𝑎𝑎 =  𝑃𝑃𝑣𝑣𝑎𝑎𝑎𝑎𝑉𝑉
𝑅𝑅𝑇𝑇

     (4) 
• For each temperature, calculate the partial pressure of the trapped air in the 
gas mixture using the ideal gas law and number of moles of trapped air 
calculated in the previous step.    

𝑃𝑃𝑎𝑎𝑎𝑎𝑎𝑎 =  𝑛𝑛𝑣𝑣𝑎𝑎𝑎𝑎𝑅𝑅𝑇𝑇
𝑉𝑉

     (5) 
• Calculate the vapor pressure of water at each temperature using Dalton’s law 
of   partial pressures:  

𝑃𝑃𝑤𝑤𝑎𝑎𝑤𝑤𝑤𝑤𝑎𝑎 =  𝑃𝑃𝑎𝑎𝑤𝑤𝑚𝑚 −  𝑃𝑃𝑎𝑎𝑎𝑎𝑎𝑎     (6) 
• Calculate ln(Pwater) and 1/T (in Kelvins) for each temperature between 80 and 
50ºC.  Plot ln Pwater vs. 1/T (K) and perform a linear regression analysis to 
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determine the line of best fit to the data.  Use the Clausius-Clapeyron equation to 
determine the enthalpy and entropy of vaporization from the equation of the best-
fit line. 
• Use these values and the Clausius-Clapeyron equation to determine the vapor 
pressure of water at 65ºC, and at the temperature when cooled to less than 3ºC. 
 

 Data Table: 
 
Barometric Pressure:  ___________ 
 

T(ºC) T(K) 1/T (K–1) Vol (mL) V–0.2 mL (in L) Pair (atm) PH2O (atm) ln(PH2O) 
        
        
        
        
        
        
        
        
        

 
 
Results and Discussion: 
 
Include the following in the Discussion portion of your report: 
1. Report the values you obtained for the entropy and enthalpy of vaporization of 

water.  (The literature value for ΔHvap between 50°C and 80°C is 42.7 
kJ/mol). 

Supplementary Questions: 
2. Do your calculations indicate that the assumption made when cooling to less 

than 3°C was justified?  The literature value for the vapor pressure of water at 
65°C is 187.5 mmHg.  Compare your calculated value to this value and 
discuss deviations in terms of the error and uncertainty present in the 
procedure. 
 

3. Different liquids have widely differing vapor pressures at the same 
temperature.  Discuss this range of vapor pressures in terms of entropy and 
enthalpy with regard to the attractive intermolecular forces between 
molecules and the degree of dispersal between the liquid and gaseous states. 

 
 
References  
-Postma, J. M.; Roberts, J. L.; Hollenberg, J. L. Chemistry in the Laboratory: Experiment 
21, 6th Ed., W. H. Freeman and Company, New York, 2006.  
-Gerald S. Levinson, “A Simple Experiment for Determining Vapor Pressure and 
Enthalpy of Vaporization of Water,” Journal of Chemical Education 59 (1982): 337-338.  
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Experiment 7:  Solubility of Potassium Nitrate 
(Adapted from OSU’s Chemistry 122 Lab Manual) 

 
Purpose: 
 
In this lab you will determine the solubility of potassium nitrate in water at 
different temperatures and construct a solubility curve for potassium nitrate. 
 
 
Introduction: 
 
A solution is formed by dissolving a solute in a solvent.  For example, club soda 
is a solution, in which the solute (carbon dioxide) is dissolved in the solvent 
(water). The solute and solvent can be either a solid, liquid or a gas. A solution 
forms when the attractive forces between the solute and the solvent are similar. 
For example, the ionic or polar solute, NaCl, dissolves in water, a polar solvent. 
The phrase “like dissolves like” has often been used to explain this.  
 
The solubility of a pure substance in a particular solvent is the quantity of that 
substance that will dissolve in a given amount of the solvent. Solubility varies 
with the temperature of the solvent, the attractions between solute and solvent 
and pressure (for a gas). Thus, solubility must be expressed as the quantity of 
solute per quantity of solvent at a specific temperature.  A solution that contains 
the maximum amount of solute dissolved in a given amount of solvent at a 
specific temperature is saturated.  A solution that contains less solute is 
unsaturated, and solution that contains more solute is supersaturated.  
Supersaturated solutions are not very stable. 
 
Crystallization, the dissolved solute coming out of solution and forming crystals, 
occurs when there is excess solute in a solution.  By cooling a solution, the 
temperature at which solubility is reached can be determined by looking for the 
appearance of crystals of solute in the solution.  In this lab you will heat solutions 
of potassium nitrate and then cool them to determine the temperature where 
crystallization occurs.   
 
 
Safety: 
 
No special safety concerns. 
 
 
Waste: 
 
Dispose of waste in the container(s) indicated by your instructor. 
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Procedure: 
 
1. Obtain four large test tubes.  Label the test tubes 1-4 and place in a test tube 

rack.  
 

2. You will be given approximately 20 g of KNO3 to use.  Measure out 2.0 g of 
KNO3 and place in test tube 1. Measure out 4.0 g of KNO3 and place in test 
tube 2. Measure out 5.0 g of KNO3 and place in test tube 3. Measure out 6.0 
g of KNO3 and place in test tube 4.   The amounts do not have to be exact, 
make sure to record the mass of KNO3 that is added to each test tube. 
 

3. Using a pipet add 5.0 mL deionized water to each test tube.  
 
4. Obtain a 600 mL beaker and fill it about three-fourths full with tap water, to 

use as a water bath. Place it on a hot plate. Heat the water to about 90°C and 
maintain this temperature. 
 

5. Clamp test tube 1 to a ring stand and place the test tube in the beaker of 
water. Use a stirring rod to stir the mixture until the KNO3 is completely 
dissolved.  
 

6. Remove the test tube from the water bath and place in the test tube rack.  
 

7. Dry off the thermometer; place in the test tube. Allow the solution to cool while 
stirring and note the temperature at which crystals just begin to appear. (You 
may use an ice bath to cool test tubes 3 and 4 quicker.) 
 

8. Repeat step 5 - 7 for test tubes 2 - 4. (The temperature of the water bath may 
have to be increased for test tubes 3 and 4.)  

 
 
Pre-Lab Questions: 

 
1.  Briefly describe in your own words the procedure that you will use to 
determine the solubility of potassium nitrate at various temperatures. 
 
2.  What are some possible sources of uncertainty in this lab? (Give at least three 
examples.) 
 
3.  The solubility of sodium chloride is determined to be 1.8 g in 5.0 mL of water 
at 30°C.  How many grams of sodium chloride can be dissolved in 100.0 mL of 
water at 30°C? 
 
4a.  How does the pressure inside a can of soda pop differ before and 
immediately after opening? 
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b.  Did the gas have a higher or lower solubility before the can was opened? 
 
c.  What is the relationship between pressure and solubility of a gas in a liquid?  
 
5.  Suppose you remove a can of soda from the refrigerator, open it, and leave it 
on the counter for a few hours. 
a.  How does the temperature of the soda change? 
 
b.  Describe how the quantity of gas in the soda changes during that time. 
 
c.  What is the relationship between temperature and the solubility of a gas in a 
liquid? 
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Date Tables: 
 

Mass of KNO3 Volume of H2O Crystallization temperature 
 5.00 mL  

 5.00 mL  
 5.00 mL  
 5.00 mL  

 
Collect eight more sets of data from at least two other lab groups.   

Data collected 
from 

Mass of 
KNO3 

Volume of 
H2O 

Crystallization 
temperature 

               5.00 mL  
  5.00 mL  
  5.00 mL  
  5.00 mL  
  5.00 mL  
  5.00 mL  
  5.00 mL  
  5.00 mL  

 
Mass of KNO3 Volume of H2O Crystallization temperature 
 100 mL  

 100 mL  
 100 mL  

 100 mL  
 100 mL  

 100 mL  
 100 mL  
 100 mL  
 100 mL  
 100 mL  
 100 mL  
 100 mL  

 
 
Calculations: 
1. Solubility is often expressed as the number of grams of solute in 100 mL of 

water.  Only 5.00 mL of water was used in this lab so all of the solubility 
values need to be converted. 

 
2. Prepare a graph of the solubility curve for KNO3.  Plot solubility (g KNO3/100 

mL water) on the vertical axis and temperature (in °C) on the horizontal axis.   
 



42 
 

Graph requirements: 
• Label the axes clearly.  Units must be indicated. 
• Give your graph an appropriate title. 
• Choose scale divisions so that the range of values covers more than half 

of each axis. 
• Plot all experimental points and draw the best smooth curve through the 

points. 
Your graph should be prepared using Excel (or another spreadsheet program) 
and a copy attached to your lab when you submit it. 
 
 
Supplementary Questions: 
 
1. According to your graph, will 120 g of KNO3 completely dissolve in 100 mL of 

water at 40°C? Explain.  
 
2. According to your graph, about how many grams of KNO3 will dissolve in 100 

mL of water at 30°C? Explain. 
 
3. If you were to conduct this experiment again using hexane instead of water 

would you expect to get the same results?  Why? 
 

4. Compare the effects temperature has on the solubility of a gas dissolved in a 
liquid to that of a solid dissolved in a liquid. 
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Experiment 8:  Molar Mass Determination by Freezing 
Point Depression 

 
Purpose:   
The purpose of this experiment is to determine the molar mass of a non-ionic, 
non-volatile solid unknown using the freezing point depression of cyclohexane. 
 
Introduction:   
A solution consists of a solute and a solvent.  The properties of the solution will 
differ considerably from the properties of a pure solvent.  Solution properties that 
depend primarily on the concentration of the solute particles, rather than their 
nature are called colligative properties.  Colligative properties include freezing 
point depression, boiling point elevation, osmotic pressure and vapor pressure 
lowering. 
 
When a solute is added to a solvent to form a solution, the freezing point of the 
solution will be lower than the freezing point of the pure solvent.  The magnitude 
of the change will be proportional to the number of solute particles present in the 
solution but not on the identity of the particles.  If the freezing point of a pure 
solvent is Tf(solvent) and the freezing point of the solution Tf(solution), then the 
freezing point depression (ΔTf), in °C, is given by: 
 

∆𝑇𝑇𝑓𝑓 = 𝑇𝑇𝑓𝑓(𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑤𝑤𝑛𝑛𝑤𝑤) − 𝑇𝑇𝑓𝑓(𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑤𝑤𝑎𝑎𝑠𝑠𝑛𝑛)     (1) 
 

The freezing point of the solution is related to the molality of the solute particles. 
 

∆𝑇𝑇𝑓𝑓 = 𝑑𝑑×𝐾𝐾𝑓𝑓×𝑚𝑚     (2) 
 

where i is the number of particles the solute produces when in solution (in this 
case i = 1), m is the molality of the solution, and Kf if the freezing point 
depression constant in °C·kg/mol.  The molality of the solution is determined by: 
 

𝑚𝑚 = 𝑚𝑚𝑠𝑠𝑠𝑠𝑤𝑤𝑠𝑠 𝑠𝑠𝑓𝑓 𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑤𝑤𝑤𝑤
𝑘𝑘𝑘𝑘 𝑠𝑠𝑓𝑓 𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑤𝑤𝑛𝑛𝑤𝑤

     (3) 
 

The freezing point depression constant is a proportionality constant and is 
characteristic of the solvent.  Values for several common solvents are given 
below. 

 
Solvent Tf (°C) Kf (°C·kg/mol) 

Camphor, C10H16O 178.4 37.7 
Cyclohexane, C6H12 6.5 20.00 
Naphthalene, C10H8 80.2 6.90 

Water, H2O 0 1.86 
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Colligative properties are often used to determine the molar mass of an unknown 
solute.  In this experiment, the freezing point depression of cyclohexane will be 
measured when an unknown solute is added.  Equation (2) relates molality to 
freezing point depression.  Equation (3) defines molality in terms of moles of 
solute over kilograms of solvent.  The moles of solute can be calculated from the 
molar mass (MM) of the solute 
 

𝑚𝑚𝑒𝑒𝑣𝑣𝑒𝑒𝑚𝑚 𝑒𝑒𝑜𝑜 𝑚𝑚𝑒𝑒𝑣𝑣𝑚𝑚𝑐𝑐𝑒𝑒 = 𝑘𝑘𝑎𝑎𝑎𝑎𝑚𝑚𝑠𝑠 𝑠𝑠𝑓𝑓 𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑤𝑤𝑤𝑤
𝑚𝑚𝑠𝑠𝑠𝑠𝑎𝑎𝑎𝑎 𝑚𝑚𝑎𝑎𝑠𝑠𝑠𝑠 𝑠𝑠𝑓𝑓 𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑤𝑤𝑤𝑤

     (4) 
 

Substituting equation (4) into equation (2), an equation relating the molar mass of 
a solute to the freezing point depression is obtained: 
 

∆𝑇𝑇𝑓𝑓 = 𝑑𝑑×𝐾𝐾𝑓𝑓×𝑚𝑚 = 𝑑𝑑×𝐾𝐾𝑓𝑓×𝑚𝑚𝑠𝑠𝑠𝑠 𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑤𝑤𝑤𝑤
𝑘𝑘𝑘𝑘 𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑤𝑤𝑛𝑛𝑤𝑤

= 𝑑𝑑×𝐾𝐾𝑓𝑓× 𝑘𝑘 𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑤𝑤𝑤𝑤 𝑀𝑀𝑀𝑀 𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑤𝑤𝑤𝑤⁄
𝑘𝑘𝑘𝑘 𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑤𝑤𝑛𝑛𝑤𝑤

     (5) 
 
In this experiment, the freezing point of pure cyclohexane will be determined by 
collecting data as the sample cools.  A plot of temperature versus time will give a 
cooling curve from which the freezing point of the solvent and/or solution may be 
determined.  Once the freezing point of pure cyclohexane has been determined, 
an unknown solute will be added, and a second cooling curve generated. 
 
Procedure: 
 
Part A.  Determination of the freezing point of cyclohexane. 
1. Obtain a test tube.  Stopper it and place the test tube in a 150mL beaker.  

Weigh and record the mass of the beaker, test tube, and stopper. 
 

2. Put approximately 6-7mL of cyclohexane into the test tube.  Reweigh the 
beaker, test tube, stopper, and cyclohexane.  Carry the test tube in the 
beaker to avoid heating the cyclohexane with your hands. 
 

3. Place the test tube, without the stopper, in an ice-salt bath in a 600mL 
beaker.  You will need enough ice so that it covers the cyclohexane in the test 
tube.  Stir the cyclohexane gently and continuously in a circular fashion, not 
up and down.  Record the temperature of the cyclohexane at 6-10 second 
intervals until all the cyclohexane has frozen (the temperature should become 
constant).  Continue to stir. 
 

4. If the freezing point of cyclohexane does not agree with the literature value, 
repeat the above steps. 

 
Part B.  Determination of the molar mass of an unknown solute. 
1. Stopper the test tube containing the cyclohexane and warm it in water until 

the cyclohexane has completely thawed. 
 

2. Weigh approximately 0.2g of the unknown solute using weigh paper. 
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3. Add the sample of unknown to the cyclohexane, making sure none sticks to 

the sides of the test tube and fails to dissolve. 
 

4. Stir the sample until the unknown has completely dissolved. 
 

5. Cool the solution in an ice-salt bath, recording the temperature at 6-10 
second intervals, as in part A. 
 

6. Once the solution has completely frozen, stopper and place the test tube in 
room temperature water to thaw. 
 

7. Weigh approximately 0.1g of the unknown solute and add it to the test tube 
making sure none of it sticks to the sides of the test tube. 
 

8. Repeat steps 4 and 5. 
 

9. When finished, thaw the solution in a beaker of room temperature water.  
Discard the solution in the appropriately labeled waste container. 

 
 
Pre-Lab Questions: 
 
1.  Use the data below to answer the following questions. 
 

Mass of unknown 
solute 

Mass of 
cyclohexane 

Freezing point of 
cyclohexane 

Freezing point of 
solution 

0.117 g 5.281 g 6.30°C 2.62°C 
 
a.  Calculate the molality of the solution using the freezing point depression 
equation.  Assume i equals 1. 
 
b.  Calculate the kilograms of solvent. 
 
c.  Calculate the moles of unknown. 
 
d.  Calculate the molar mass of the unknown. 
 
2.  If your molar mass was too high, what are two possible errors that could have 
occurred?  Explain how these errors cause the molar mass to be too high. 
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Data Tables: 
 
Mass of beaker, test tube, and stopper  
Mass of beaker, test tube, stopper, and cyclohexane  
Mass of cyclohexane  
Mass of unknown solute added for 1st trial  
Mass of unknown solute added for 2nd trial  
Total mass of unknown solute in 2nd trial  
Freezing point of pure cyclohexane  
Freezing point of solution from trial 1  
Freezing point of solution from trial 2  

 
 
 Trial 1 Trial 2 
Mass of unknown solute   
Freezing point 
depression 

  

Molality of solution   
Moles of unknown solute   
Molar mass of unknown 
solute 

  

Average molar mass  
 
 
Pure Cyclohexane:  Trial # ________ 
 
Time (s) Temp. (°C) Time (s) Temp. (°C) Time (s) Temp. (°C) 
      
      
      
      
      

 
 
Pure Cyclohexane:  Trial # ________ 
 
Time (s) Temp. (°C) Time (s) Temp. (°C) Time (s) Temp. (°C) 
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Unknown Solute:  Trial #1 
 
Time (s) Temp. (°C) Time (s) Temp. (°C) Time (s) Temp. (°C) 
      
      
      
      
      

 
 
Unknown Solute:  Trial #2 
 
Time (s) Temp. (°C) Time (s) Temp. (°C) Time (s) Temp. (°C) 
      
      
      
      
      

 
 
Calculations: 
 
1.  Using the data from each of the tables above, plot the cooling curve for: 
 a.  the pure cyclohexane 
 b.  the solutions with unknown solute (trials 1 and 2) 
 
2.  Using the cooling curves determine the freezing point for each trial.  Record 
the results in your data table. 
 
3.  Calculate the freezing point depression for each trial. 
 
4.  Use the freezing point depression equation to calculate the molality of the 
solution for each trial. 
 
5.  Calculate the kilograms of solvent used for each trial. 
 
6.  Calculate the moles of the unknown for each trial. 
 
7.  Calculate the molar mass of the unknown for each trial. 
 
8.  Calculate the average molar mass of the unknown. 
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Supplementary Questions: 
 
1. Explain what how your molar mass would be affected if some of the solute 

were spilled before the initial transfer to the test tube.  Assume you did not 
reweigh the solute. 

 
2. Explain how your freezing point would be affected if some of the solute stuck 

to the sides of the test tube.  How would it affect your molar mass? 
 
3. If the unknown is camphor, calculate the percent error of your experimental 

molar mass compared to camphor’s actual molar mass. 
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Experiment 9:  Organic Structures and Nomenclature 
 
Purpose: 
 
The purpose of this experiment is to practice drawing and naming organic 
structures. 
 
 
Procedure: 
 
Complete the following problems in your laboratory notebook. 
 
1.  Draw all possible constitutional isomers for C6H12. 
 
2.  Draw the following organic compounds. 
a.  2-methylbutane b.  2,3,5-trimethylnonane 
c.  3-ethyl-4-methyl-1-heptene d.  1,3-dibromo-2-methylpentane 
e.  bromobenzene f.  2-pentyne 
g.  1,3,5-trimethylcyclohexane h.  1-cyclopentyl-1-propene 
i.  4-isopropyloctane  

 
3.  Name the following organic structures. 
 

a. b. c.
Cl

d. e. f.

g.

CH3

CH3

h. i.
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Experiment 10:  Identification of Functional Groups 
 
Purpose: 
 
The purpose of this experiment is to observe chemical reactions characteristic of 
common organic functional groups.  The observations will be used to identify a 
set of unknown compounds 
 
 
Introduction: 
 
Most organic and biochemical compounds are composed of carbon, hydrogen, 
and a few other elements (such as oxygen, nitrogen, and sulfur).  These 
compounds participate in a wide variety of reactions generally related to 
molecular structure.  Distinctive arrangements of atoms and bonds, known as 
functional groups, are responsible for the reactivity of families of organic 
compounds. 
 
The compounds introduced in this experiment all have oxygen-containing 
functional groups and include representatives of the following chemical families: 
 

Family General Formula Functional Group Example
Alcohols

Ketones

Aldehydes

Carboxylic Acids

R-OH

R
C

R'

O

R
C

H

O

R
C

OH

O

-OH (hydroxyl)

C

O

C

O

C
OH

O

(carbonyl)

(carbonyl)

(carboxyl)

CH3CH2OH

H3C
C

CH3

O

H3C
C

H

O

H3C
C

OH

O

 
 
Note the use of the abbreviation R- or -R’ to indicate the carbon-hydrogen 
structures common to nearly all organic molecules.  In most organic reactions, 
only the functional groups are changed, the carbon-hydrogen chains remain 
unreacted.  For comparison, a hydrocarbon (a compound containing only carbon 
and hydrogen) will be tested along with representatives of the families indicated 
above. 
 
By observing the characteristic reactions of known compounds, unknown 
compounds can be characterized as belonging to a given family.  The 
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characteristic reactions for qualitative organic analysis used in this lab are as 
follows: 
 
 
Sodium Bicarbonate Test for Carboxylic Acids 
 
When sodium bicarbonate reacts with carboxylic acids it produces bubbles of 
carbon dioxide.  The bubbles are only present with a carboxylic acid because 
they are the only family that has an acidic hydrogen. 
 

R
C

OH

O

R
C

OH

O

R
C

O-

O

+    H+

+     NaHCO3 R
C

O-  Na+

O

+    H2O   +   CO2  
 
 
Oxidation of Alcohols, Aldehydes, and Ketones with Dilute KMnO4 
 
The permanganate ion, MnO4-, is a strong oxidizing agent and will react with 
many organic compounds.  Alcohols, Aldehydes, and Ketones can all be oxidized 
to form salts of carboxylic acids: 
 

RCH2OH   +   KMnO4
R

C
O- K+

O

+   MnO2(s)

+   KMnO4 R
C

O- K+

O

+   MnO2(s)

+   KMnO4
R

C
O- K+

O

+   MnO2(s)
R

C
R'

O

R
C

H

O

R'
C

O- K+

O

+
 

 
Note that the above equations are unbalanced skeleton equations showing only 
the major organic and inorganic products of the reactions. 
 
The most important feature of the reactions with KMnO4, is the disappearance of 
the purple color characteristic of the MnO4- ions in solution and the appearance 
of solid MnO2 as a brown precipitate.  In addition to the obvious color change, the 
speed of the reaction often provides a valuable clue to the identification of 
unknown compounds.  Permanganate ions will oxidize different functional groups 
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at different rates.  In the case of especially slow reactions, gentle heating in a hot 
water bath may be required. 
 
Hydrocarbons and carboxylic acids are the only two of all the types of 
compounds being studied that will not react with dilute neutral KMnO4 solution.  
The hydrocarbon contains no oxidizable functional group and carboxylic acids 
can be oxidized further, only in the presence of concentrated KMnO4 in strongly 
acidic solution, to carbon dioxide. 
 
 
2,4-Dinitrophenylhydrazine (2,4-DNP) Test 
 
Compounds containing a carbonyl group, either at the end of the carbon chain 
(as in aldehydes) or in the middle of the carbon chain (as in ketones) form easily 
recognized, brightly-colored precipitates 
 

R
C

H

O

R
C

R'

O

+   H2NNHC6H4(NO2)2
             (2,4-DNP)

+   H2NNHC6H4(NO2)2
             (2,4-DNP)

R

C

H

NNHC6H4(NO2)2   +   H2O

R

C

R'

NNHC6H4(NO2)2   +   H2O

colored ppt

colored ppt  
 
None of the other families of compounds used in this exercise will react with 2,4-
DNP. 
 
 
Tollens’ Test 
 
The 2,4-DNP test is used to identify compounds that are aldehydes and ketones.  
However, the 2,4-DNP test does not distinguish between the two.  Therefore, a 
second test is needed to classify unknown compounds.  The Tollens’ test gives 
positive identification of aldehydes by the following reaction: 
 

R
C

H

O

R
C

O- K+

O

+   2Ag(NH3)2OH
           Tollens'
           Reagent

2Ag(s)   + +   H2O   +   3NH3

 
 
The Tollens’ reagent is prepared by precipitating silver hydroxide from a silver 
nitrate solution then dissolving the precipitate in aqueous ammonium hydroxide: 
 

AgNO3(aq)  +  NaOH(aq)  →  AgOH(s)  +  NaNO3(aq) 
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AgOH(s)  +  2NH4OH(aq)  →  Ag(NH3)2OH(aq)  +  2H2O(l) 

                                                                 Tollens’ Reagent 
 
If the reagent is freshly prepared and the reaction is carried out in a very clean 
test tube, the silver metal produced will be deposited on the walls of the tube as a 
bright silver mirror.  If the test tube is not clean, a black suspension or precipitate 
of finely-divided silver particles will be observed.  Ketones do not react with the 
Tollens’ reagent. 
 
A series of known compounds representing the chemical families in the table on 
page 56 will be used to study the results of each of the tests described above, 
and then the observations made of the known compounds will be used to identify 
the compounds in a set of unknowns. 
 
 
Procedure: 
 
A.  Bicarbonate Test for Acids 
1. In separate, labeled, clean, dry test tubes, obtain 1mL samples (1mL is about 

20 drops) of the known hydrocarbon, alcohol, aldehyde, ketone, and 
carboxylic acid compounds. 
 

2. To each sample, add 1mL of 5% NaHCO3 solution and stir.  On the data 
sheet note any signs of reaction, particularly, the evolution of bubbles of CO2 
gas.  In some instances it may be easier to detect the formation of gas 
bubbles by hearing rather than by sight. 

 
B.  Oxidation with Dilute KMnO4 
1. In separate, labeled, clean test tubes, obtain 0.5mL (about 10-drop) samples 

of the known hydrocarbon, alcohol, aldehyde, ketone, and carboxylic acid 
compounds. 
 

2. Add 0.5mL of 0.05M KMnO4 solution to each sample and stir briefly.  On the 
data sheet note the appearance of each solution before and after the 
reaction.  If no reaction is observed after three minutes, try heating the 
sample by placing the test tube in a beaker of hot tap water for an additional 
two minutes. 

 
C.  2,4-Dinitrophenylhydrazine (2,4-DNP) Test 
 
***WARNING:  2,4-DNP reagent stains skin and clothing a bright orange.  If 
contact with 2,4-DNP occurs wash the affected area with soap and water 
immediately.  
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1. In separate, labeled, clean, dry test tubes obtain 2-drop samples of the known 
hydrocarbon, alcohol, aldehyde, ketone, and carboxylic acid compounds. 
 

2. Add 2mL of 2,4-DNP reagent solution a few drops at a time to each of the 
samples.  Stir occasionally during the addition of 2,4-DNP and note the color 
and appearance of any precipitates formed. 

 
 
D. Tollens’ Test 
 
***WARNING:  Immediately after performing the test, dispose of the results of the 
Tollens’ test and any excess Tollens’ reagent in the appropriately labeled waste 
container.  Some of the silver compounds formed may be explosive when dry. 
 
1. In separate, very clean test tubes, obtain 0.5mL samples of those compounds 

which give positive tests with the 2,4-DNP reagent solution. 
 

2. In a separate, very clean test tube obtain 4mL of 5% AgNO3 solution and 
prepare the Tollens’ reagent as follows: 

a. To the 4mL of 5% AgNO3 add 15 drops of 10% NaOH solution then stir 
thoroughly to mix.  A brown precipitate should form. 

b. Add a few drops at a time of 6M NH4OH solution to the test tube, 
stirring after each addition until the precipitate just dissolves. 

c. Add one drop at a time of 5% AgNO3, stirring after each addition until 
the brown precipitate just reappears (this may mean that the 
precipitate forms and disappears).  The resulting solution is the 
Tollens’ reagent. 
 

3. Divide the freshly prepared Tollens’ reagent equally among the samples to be 
tested and stir briefly.  Place the test tubes in a beaker of warm tap water and 
note any signs of a reaction on the data sheet. 
 

4. Dispose of the samples and any excess Tollens’ reagent in the appropriately 
labeled waste container. 

 
E.  Analysis of Unknown Samples 
1. Obtain a set of three unknown compounds.  Record the number of each 

unknown in the spaces provided on the data sheet. 
 

2. Repeat the test procedures given in parts A through D above, using samples 
of the unknowns.  Record the results of each test on the data sheet. 
 

3. By comparing test results obtained for the unknown compounds with the 
 results obtained for the known substances, identify the family of organic 
compounds to which each of the unknowns belongs. 
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Pre-Lab Questions: 
 
1.  Determine what you would expect to see if each of the following compounds 
underwent the tests outlined in the introduction to the experiment. 
 

H3C
C

CH3

O

acetone
H

C
CH3

O

ethanal
H3C

C
OH

O

acetic acid

CH3CH2OH

ethanol  
 

 
2.  You have performed all of the tests on Unknown #546.  Given the data you 
compiled, determine the family from which Unknown #546 belongs. 
 

Compound NaHCO3 Test KMnO4 Test 2,4-DNP Test Tollens’ Test 

Unknown 
#546 

No 
appearance 
of bubbles 

and no 
bubbling 
noises 

Purple color 
disappeared 
and a brown 
ppt formed 

Ppt formed No reaction 

 
Unknown #546 belongs to the _________________ family. 
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Data Tables: 
 
Your data tables should include all observations for each of the tests performed. 
 
Compound NaHCO3 

Test 
KMnO4 Test 2,4-DNP Test Tollens’ Test 

Hydrocarbon: 
 

    

Alcohol: 
 

    

Ketone: 
 

    

Aldehyde: 
 

    

Carboxylic 
Acid: 
 

    

Unknown #: 
 

    

Unknown #: 
 

    

Unknown #: 
 

    

 
Classification of Unknowns: 
 
For each of the three unknowns, identify the family to which the compound 
belongs citing experimental evidence which supports your conclusion. 
 
Unknown Number _______  Family:  ________________ 
 
Evidence: 
 
Unknown Number _______  Family:  ________________ 
 
Evidence: 
 
Unknown Number _______  Family:  ________________ 
 
Evidence: 
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