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Laboratory Safety 

Laboratory safety 

All who participate in lab must read and understand the following information 

regarding laboratory safety and emergency procedures prior to starting the first 

laboratory session. Since additional instructions may be given at the beginning of 

laboratory sessions, it is important that all experiments should be performed 

under proper academic laboratory supervision. Labs are full of potential hazards 

that can cause serious injury to the students. Your personal laboratory safety 

depends mostly on YOU.  

Good common sense is needed for safety in a laboratory. It is expected that each 

participant will work in a responsible manner and exercise good judgment and 

common sense. If at any time you are not sure how to handle a particular situation, 

ask your instructor for advice. It is always better to ask questions than to risk harm 

to yourself or damage to the equipment. 

GENERAL RULES 

1. Students are required to always practice disciplined and responsible 

conduct when present in the laboratory. (Playing around in the 

laboratory, sitting/leaning on the lab benches, or any disorderly 

behaviors are not permitted at any time. Be alert and always proceed 

with caution in the lab). 

2. Pre-lab reading assignments are to be completed prior to beginning the 

lab.  

3. The use of food/drink (beverages, mints, chewing gum, etc.) and cosmetics 

in the laboratory is PROHIBITED. 

4. NEVER pipette anything by mouth; use a bulb. 
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5. The use of cell phones, radios, MP3 players, or headphones is prohibited 

in the lab without prior authorization. Store these with your personal 

items in designated areas. 

6. Hands and pens/pencils are to be kept away from face, eyes, and mouth 

while using chemicals or equipment. Hands are to be washed with soap 

and water after performing all experiments, especially before going to 

the restroom, or leaving the lab for any reason. 

7. Execution of experiments authorized by the course instructor and 

supervised by the TA are the only experiments permitted. 

8. Observe good housekeeping practices. Work areas should be always kept 

clean and tidy.  

9. All written and verbal instructions are to be followed carefully. If you 

do not understand a direction or part of a procedure, ask the TA or 

the supervising figure before proceeding. 

10. DO NOT leave an on-going experiment unattended.  

11. Clean up your work area before leaving.  

12. Wash hands with soap and warm water before leaving the laboratory. 

 

PERSONAL PROTECTIVE EQUIPMENT 

17. Approved safety goggles MUST be always worn when in the lab. NO 

EXCEPTIONS. 

18. Dress properly for lab. Clothing must cover the body from the shoulders 

down to toes. Lab coats/aprons are mandatory when the experiment requires 

them. 

a. NO bare midriffs or ankles 

b. NO tank tops or low-cut tops 
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c. NO shorts, skirts, or cropped pants 

d. SHOES must be closed-toed and completely cover the heel and top of 

the foot. NO sandals. 

19. If you have long hair or loose clothes, make sure it is tied back or confined.  

20. Wear gloves when using any hazardous or toxic agent. 

 

HANDLING CHEMICALS 

22. All chemicals in the lab are to be considered dangerous and used with 

extreme caution. Chemicals are not to be touched, tasted, or smelled. Only 

the "wafting" method of smelling chemicals should be practiced (if needed) 

after undergoing proper demonstration by the TA. 

23. Read labels carefully before removing substances from a container. 

24. Only directed amount should be used /transferred. Unused chemicals must 

not be returned to their original container. 

25. Disposal- Students are responsible for the proper disposal of used material if 

any in appropriate containers. 

26. Flammable solvents must not be used anywhere near flame. 

 

HANDLING GLASSWARE AND EQUIPMENT 

31. NEVER handle broken glass with your bare hands. Use the dustpan and 

broom provided to clean up the broken glass. Place the broken glass in the 

containers marked "broken glass". Notify a TA of any broken glassware. 

32. Check your glassware for cracks and chips each time you use it. Cracks 

could cause the glassware to fail during use and could cause serious injury 

to you or lab mates.  
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ACCIDENTS and INJURIES 

38. Report any accident (spill, breakage, etc.) or injury (cut, bum, etc.) to the TA 

immediately, no matter how trivial. 

39. If a chemical splash in your eye(s) or on your skin, immediately flush with 

running water from the eyewash station or safety shower for at least 15 

minutes. Notify supervising individual immediately. 

41. Know the location of safety equipment. 

Fire extinguisher * Safety shower * Eye wash * First aid kit * Chemical spill kit 

In addition to knowing the location of the fire alarms, fire extinguishers, eye 

washes, and emergency showers in your lab, know how to use them. 

 

STATEMENT OF AGREEMENT 

I have read and agree to the safety rules set forth in this lab safety contract. I 

realize that I must obey these rules to ensure my own safety, as well as the safety 

of others. I have located all emergency equipment and know who to contact in 

case of an emergency. I am aware that any violations of the contract can result in 

my removal from the laboratory and loss of credit for the experiment. I also 

understand that Joy for STEM will not be held liable for any injuries or accidents 

if safety rules and regulations are not obeyed. 

 

STUDENT NAME (PRINT)_________________________________ 

 

STUDENT SIGNATURE____________________________________DATE___________ 
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LAB MATERIALS 

Necessary Lab Equipment 

1. 10-mL Graduated Cylinder 

2. 25-mL Graduated Cylinder 

3. 50-mL Graduated Cylinder 

4. 50-mL Volumetric Flask 

5. 50-mL Beaker 

6. 100-mL Beaker 

7. 250-mL Beaker 

8. 500- or 600-mL Beaker 

9. 1000-mL Beaker 

10.  Balance 

11.  Bunsen Burner 

12.  Clamp 

13.  Filter Flask 

14.  Filter Paper 

15.  Filtering Funnel 

16.  Funnel 

17.  Litmus Paper, Blue and Red 

18.  Ring Stand 

19.  Ring Support 

20.  Rubber Stopper 

21.  Spatula 

22.  Stirrer Hotplate 

23.  Stirring Rod 

24.  Stopwatch 

25.  Syringe 

26.  Test Tubes w/ Rack 

27.  Thermometer, °C 

28.  Thermometer Adapter 

29.  Transfer Pipettes 

30.  Watch Glass 

31.  Weigh Boat 

Additional Items Needed 

1. 2 Styrofoam Cups 

2. Colored pencils 

3. Large and Mini Marshmallows  

4. Protractor 

5. Ruler 

6. Steel Wool 

7. Toothpicks 

8. Wooden Splints
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LAB MATERIALS CONTINUED 

Necessary Lab Chemicals 

1. Ammonium Carbonate [(NH4)2CO3] 

2. Calcium Chloride (CaCl2) 

3. Copper Chloride (CuCl2) 

4. Distilled Water  

5. Hexane (C6H14) 

6. Hydrochloric Acid (HCl) 

7. Hydrogen Peroxide (H2O2), 3% 

8. Liquid Lab Detergent  

9. Lithium Chloride (LiCl) 

10.  Magnesium Ribbon 

11.  Magnesium Sulfate, Epsom Salt (MgSO₄) 

12.  Naphthalene (C10H8) 

13.  Potassium Chloride (KCl) 

14.  Sodium Bicarbonate, Baking Soda (NaHCO3) 

15.  Sodium Carbonate, Soda Ash (Na2CO3) 

16.  Sodium Chloride, Table Salt (NaCl) 

17.  Sodium Hydroxide (NaOH) 

18.  Strontium Chloride (SrCl2) 

19.  Unknown Metal, see Lab 2, Part B 

20.  Various metals and nonmetals, see Lab 3, Part A 

21.  Acetic Acid, Vinegar (CH₃COOH) 
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MAINTAINING LAB NOTEBOOK 

One of the most important aspects of laboratory work is maintaining an accurate 

and complete record of your experiments.  This should be done in a bound 

composition notebook. The information in your submitted lab reports MUST 

match the data recorded in your lab notebook. A properly maintained lab notebook 

helps to preserve the integrity of the results and recorder.  

Suggested guidelines for notebook. 

1. Write only in blue or black ink (Absolutely No Pencil) on the right-side 

pages of the book.  Do not write on the reverse side of the page unless it is a 

calculation. 

2. Do not use whiteout 

3. Cross out mistakes with one straight single line. 

4. On the front of the composition book, write your name, the course code, and 

semester/term 

5. Number all the pages of your composition notebook on the lower or upper 

right corner 

6. Leave the first two pages of notebook empty for your “Table of Contents.” 

7. Fill in your Table of Contents each week with the Title of the lab and the 

page number that each lab begins on. 

8. Each entry should include a Cover page, Abstract, Background/Notes, 

Materials (with properties/cautions), Procedures, and Results. * 

9.  Start the first cover page on the page after your Table of Contents pages. 
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10. Start each new category (Cover, Introduction, Procedure, etc.) on a new 

page. 

11.  Write the sections heading of that page on the top of the page (Abstract, 

Background, Results, etc..). 

12.  Number your procedure steps to make them easier to read and understand. 

13.  Record Results in notebook at time of observation 

 

*Instructor may only require a cover page, abstract, background information, and 

results/calculations. 
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Lab 1: Measurement and Significant Figures 

Purpose of the Experiment 

In this experiment, measurements will be identified using metric units. Mass will 

be correctly measured in grams using a balance. A volume will be correctly read 

using a graduated cylinder and length using a meter stick/ruler. The temperature of 

a liquid will be observed and recorded in degrees Celsius and converted into 

Kelvin. Measurements will be recorded using proper significant figures. 

Background Required 

Students should understand the terms: volume and mass. Students should be 

familiar with basic laboratory techniques for measuring length, volume, mass, and 

temperature. 

Background Information 

There are two types of numbers: measured numbers and exact numbers.  

When a quantity is counted, such as the number of marbles in a jar, this number is 

referred to as an exact number. When a measuring instrument is not used to 

determine a quantity, it is an exact number. 

When the length, mass, or volume of a sample is measured, it is called a measured 

number. When an instrument is used to determine the quantity, that quantity is a 

measured number and will have a level of uncertainty.  

This known level of uncertainty of measured numbers creates the necessity to 

express reported measurements, using only the significant numbers. In math, 3.0 is 

equivalent to 3 and 3.00. However, in science, these three expressions do not 
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convey the same measurement. The last digit in a measurement has a level of 

uncertainty as an approximation.  

The accuracy and clarity of the reported measured results are often dependent on 

the quality of the measurements taken. The accuracy of the instrument being used, 

as well as the scientist or healthcare professionals’ attention to detail, is critical. 

The accuracy of their work can mean life or death of a patient. Therefore, it is 

important to use the appropriate instrument based on the size of the sample being 

measured and understand the limitations of each instrument. In science and 

healthcare, the metric system is used. The metric system uses a base unit and a 

system of prefixes that use multiples of 10 for the various types of measurements. 

The prefixes are used to indicate the multiple of the base unit. Below are some 

common prefixes used in science. 

Prefix (Symbol) Multiple 

mega- (M) 1,000,000 (106) 

kilo- (k) 1,000 (103) 

Base- 1 

deci- (d) 0.1 (10-1) 

centi- (c) 0.01 (10-2) 

milli- (m) 0.001 (10-3) 

nano- (n) 0.000001 (10-6) 

micro (µ) 0.000000001 (10-9) 

 

These prefixes can be used before any of the base units. Each type of measurement 

generally has one base unit used in the metric system. These units are given in the 

next table. 



15 | P a g e  

 

Measurement Base Unit (Symbol) 

Length Meter (m) 

Volume Liter (L) 

Mass Gram (g) 

Temperature Degrees Celsius (°C) or Kelvin (K) 

Time Second (s) 

 

In contrast, the US measuring system uses multiple units to describe one type of 

measurement. Units such as inch, foot, and yard are all used to measure length.  

This lab will focus on measuring matter, using the metric system. 

As mentioned before, all measured numbers have a level of uncertainty. All 

measuring instruments have a level of error. These uncertainties and errors make it 

impossible to obtain an exact measurement. When obtaining a measurement, it is 

important to be as accurate and precise as possible. Paying attention to detail and 

using the proper instrument will help you to accomplish this. Accuracy is 

measured by how close experimental data is to the accepted true value. In an 

essence, it is how close you are to the bullseye. Precision is how close 

measurements are to each other, repeatedly. The precision of an instrument is the 

number of significant figures obtainable. This is determined by using the smallest 

unit on the instrument and adding a decimal place. The last digit is the uncertain 

digit. 

Significant Figures 

When determining the proper number of significant figures, it is important to be 

able to identify the number of significant figures in each measurement. 
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The rules of significant figures are as stated: 

• All non-zero digits are significant (1, 2, 3, 4, 5, 6, 7, 8, and 9) 

o 163 has 3 significant figures because all digits are non-zero digits 

• Reading left to right, all zeroes after a non-zero digit and decimal are 

significant. 

o 163,000 also has 3 significant figures because while there are 6 digits, 

the zeros are only after non-zero digits 

o 0.00163 also has 3 significant figures because while there are 6 digits, 

the zeros are only after a decimal. 

o 1.63000 has 6 significant figures because there are 3 non-zero digits 

and the 3 zeros come after a non-zero digit and decimal 

• All zeros between significant digits are significant  

o 160003 has 6 significant figures because there are 3 non-zero digits 

and the 3 zeros are between significant digits 

o 16300.0 has 6 significant figures because there are 3 non-zero digits, 

the last zero is significant because it is after decimal and non-zero 

digits, and the other 2 zeros are between significant digits. 

Once the number of significant figures can be determined, there are rules for 

adding/subtracting and multiplying/dividing. Those rules are as stated: 
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• When adding/subtracting, the sum of the measurements must have the 

same number of significant digits after the decimal as the measurement 

with the fewest number of significant digits. 

1.23𝑚𝐿 + 1.356𝑚𝐿 = 2.586 𝑚𝐿 = 2.59 𝑚𝐿 

 

2 Sig. Figures after decimal 3 Sig. Figures after decimal 

Final answer should have 2 Significant Figures after decimal because that is 

the least level of certainty between the two given measurements.  

 

• When multiplying/dividing, the product should have the same number of 

significant digits as the measurement with the fewest number of 

significant digits. 

 

𝟏. 𝟖𝟎 𝒎 × 𝟐𝟑. 𝟎𝟒 𝒎 =  𝟒𝟏. 𝟒𝟕𝟐 𝒎 = 𝟒𝟏. 𝟓 𝒎 (𝒘𝒊𝒕𝒉 𝒑𝒓𝒐𝒑𝒆𝒓 𝒔𝒊𝒈. 𝒇𝒊𝒈𝒖𝒓𝒆𝒔) 

 

3 Sig. Figures 4 Sig. Figures 

Final answer should have 3 Significant Figures because that is the least level 

of certainty between the two given measurements.  

 

Length 

Length is the measurement of distance between two points. Its base unit is meters. 

Most commonly, a ruler is used to measure length. To measure length, you place 

the starting point at the zero marker on the ruler and note were the second point 

ends on the ruler. When using a ruler, the large markings are centimeters, and the 

smaller ticks are millimeters. In the US, rulers are in inches. The smaller ticks on 

the US ruler most comply are 1/8th and sometimes 1/16th of an inch each. You can 
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count the number of ticks between each inch marker to determine the unit of the 

small ticks.  

 

 

The purple line’s length would measure 5.60 cm or 56.0 mm. You should report 

one number past the provided ticks on the instrument. This last reported number 

would have a level of uncertainty because it is an estimate. 

Volume 

Volume is the measurement for how much space an object occupies. Volume of a 

solid cube can be measured by using the length of its height, width, and depth. 

These measurements would then be multiplied to calculate the objects volume. 

 

 

 

The volume of a liquid can be measured using a graduated cylinder. The units 

recorded on a graduated cylinder is milliliter. 1mL is equal to 1cm3. A detailed 

description on how to use a graduated cylinder is found in Lab 2.  

Mass 

Mass is the measurement of the amount of matter within an object. The base unit 

for mass is kilograms. However, in the lab, you will most commonly measure mass 

in grams. 1 kilogram is equal to 1000 grams. In lab, a balance will be used to 

measure mass. The number of significant figures recorded will be based on the 

cm 

2cm 

2cm 

3cm 

Volume = 2cm x 2cm x 3cm= 12 cm3 
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instrument provided for you to use. The last digit on the balance will have a level 

of uncertainty.  

Temperature 

Temperature is the degree of heat (energy) within matter. In science, temperature is 

reported in degrees Celsius (°C) or Kelvin (K). Temperature in K is equal to °C + 

273.15. A thermometer will be used in lab to record degrees in Celsius and then 

Kelvin will be calculated from observations. 
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Procedures 

Part A: Measuring Length 

1. Observe the markings on a meter stick or ruler. 

2.  Identify the centimeter markings and millimeter markings 

3. Use a meterstick to measure the length of 2 samples provided by instructor. 

4. Record data in results. Include the estimated digit in each measurement. 

5. Determine the number of significant figures and indicate the estimated digit. 

6. Measure the length of the line provided on results page. 

Part B: Measuring Volume 

1. Observe and make note the markings present on a 10, 50, and 100-mL 

graduated cylinder.  

2. Determine the volume of liquids in graduated cylinders (10-mL, 50-mL, and 

100-mL) provided by the instructor.  

3. Record data in results. Include the estimated digit in each measurement. 

4. Determine the number of significant figures and indicate the estimated digit. 

5. Obtain a small test tube and fill with water. 

6. Pour content into a 10-mL graduated cylinder. 

7. Determine the volume of small test tube. 

8. Record data in results. Include the estimated digit in each measurement. 

9. Determine the number of significant figures and indicate the estimated digit. 

10. Refill test tube and determine volume using a 50-mL graduated cylinder. 

11. Record data in results. Include the estimated digit in each measurement. 

12. Determine the number of significant figures and indicate the estimated digit. 

13. Refill test tube and determine volume using a 100-mL graduated cylinder. 

14. Record data in results. Include the estimated digit in each measurement. 

15. Determine the number of significant figures and indicate the estimated digit. 
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Note: The volume of a solid irregular shaped object can be determined using the 

volume displacement method. This will be investigated in “Lab 2” 

Part C: Measuring Mass 

1. Instructor will demonstrate how to use provided lab balance 

2. Determine the mass of 4 samples provide by instructor. 

3. Record data in results. 

4. Determine the number of significant figures and indicate the estimated digit. 

5. Obtain table sugar (sucrose) from instructor. 

6. Measure 39g of sugar. 

Note: There is about 39 g of sugar in a 12 oz can of coke 

7. Record exact mass in results. 

8. Determine the number of significant figures and indicate the estimated digit. 

Part D: Measuring Temperature 

1. Using a thermometer provided by the instructor, measure the temperature of 

tap water using the cold-water spigot and hot-water spigot. 

2. Acquire ice and create an ice-water bath in a 600-mL beaker. 

3. Measure the temperature of the ice-water bath 

4. Convert your measured temperature into Kelvin. 

 

Calculations 

𝐾 =  ℃ + 273.15 
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Results 

Remember to show all calculations in your lab composition notebook. 

Part A: Measuring Length 

Sample Description Length Estimated digit Number of Sig Figures 

    

    

Provided Line Below    

 

 

Part B: Measuring Volume 

Graduated Cylinder 10-mL 50-mL 100-mL 

Volume represented by the long markings 

 

   

Volume represented by the short markings 

 

   

 

Sample Description Volume Estimated digit Sig Figures 

Volume in 10-mL graduated cylinder    

Volume in 50-mL graduated cylinder    

Volume in 100-mL graduated cylinder    

Test tube volume using  

10-mL graduated cylinder 

   

Test tube volume using  

50-mL graduated cylinder 

   

Test tube volume using  

100-mL graduated cylinder 
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Which graduated cylinder gave the most accurate measurement of the small test 

tube? 

Part C: Measuring Mass 

Sample Description Mass Estimated digit Number of Sig Figures 

    

    

    

    

Table Sugar (Sucrose)    

 

Part D: Measuring Temperature 

Sample Description 
Temperature in degrees 

Celsius, °C 

Temperature in 

Kelvin, K 

Cold-water spigot   

Hot-water spigot   

Ice-water bath   
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Lab 2: Determining Density 

Purpose of the Experiment 

Use balance and graduated cylinders to measure the mass and volume of a liquid 

and a solid. Using observed mass and volume data, determine the density of a 

liquid, and an unknown object.  Using its calculated density, identify the 

composition of the unknown object from a list of possibilities. Calculate the 

specific gravity of a liquid from its density. 

Background Required 

Students should understand the terms: volume and mass. Students should be 

familiar with basic laboratory techniques for measuring volumes and masses. 

Background Information 

The purpose of this experiment is to understand density as an intensive property. 

Intensive properties are independent of the amount of matter of a substance. 

Other examples of intensive properties are color, temperature, and odor. 

Density is the amount of matter that is contained in a specific amount of space. 

This can be calculated as 

𝐷𝑒𝑛𝑠𝑖𝑡𝑦 =  
𝑀𝑎𝑠𝑠

𝑉𝑜𝑙𝑢𝑚𝑒
 

where the base unit of mass is grams and volume as either cm3 or mL. Mass and 

volume are classified as extensive properties. Extensive properties are dependent 

on the amount of matter of a substance. Some additional examples of extensive 

properties are energy, enthalpy, and heat capacity.  
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Extensive properties such as a substance’s density, color, odor, boiling point, 

and/or melting point, can be used to identify an object. In this lab, you will 

measure an unknown metal’s mass in grams and volume in mL. Using these 

measurements you will calculate the objects density, g/mL.   

The mass of the metal can be measured using a balance. A graduated cylinder is 

commonly used to measure the volume of a liquid. 

When reading a graduated cylinder, one should 

always read the measurement at the bottom of the 

meniscus.  

The volume of an irregular shaped object will be 

measured using the water displacement method. 

When an object is placed into water, the water’s 

displacement is equal to the object’s volume. 

When measuring the volume by using the water 

displacement method, it is important to ensure the 

object will be completely submerged in the water 

and the graduated cylinder is large enough to 

compensate for the water and object.  

You will also measure the density of a liquid of choice. The mass of the liquid will 

be measured by measuring the mass of the container before the addition of the 

liquid. You will measure the mass again after the addition of the liquid. The mass 

of the liquid is calculated by subtracting the mass of the container from the total 

mass of the container and liquid.  

  

mL mL 
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The specific gravity of a substance is the ratio of its density and the density of 

water. 

𝑆𝑝𝑒𝑐𝑖𝑓𝑖𝑐 𝑔𝑟𝑎𝑣𝑖𝑡𝑦 =  
𝐷𝑒𝑛𝑠𝑖𝑡𝑦 𝑜𝑓 𝑆𝑢𝑏𝑠𝑡𝑎𝑛𝑐𝑒

𝐷𝑒𝑛𝑠𝑖𝑡𝑦 𝑜𝑓 𝑊𝑎𝑡𝑒𝑟
 

Specific gravity is important because it is a quantifiable comparison of a liquid to a 

standard. It can be used to understand characteristics of the substance. 

  Densities of some common metals 

Metal Density (g/mL) 

Aluminum 2.70 

Cadmium 4.05 

Copper 8.94 

Gold 19.3 

Iron 7.86 

Lead 11.34 

Magnesium 1.74 

Silver 10.5 

Tin 5.75 

Zinc 7.14 
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Procedures 

 

Note: 

• If you are not familiar with operating the balances that are available in your 

laboratory, ask your laboratory instructor for assistance. 

• Read and record the volume and mass measurements using the correct 

number of figures to the right of the decimal point according to your 

laboratory Instructor's directions. 

• Record all your data and calculations in your lab notebook. 

• Complete Data and Observation Sheet 

• Suggestions of liquids to use in Part A: Water, Rubbing Alcohol (70% or 

91%), Vegetable Oil, Baby Oil, Olive Oil, etc. 

• Use the list of substances and their densities supplied by your laboratory 

instructor to determine the composition of your unknown object in Part B. If 

your experimentally determined density does not match the density of any of 

the substances on the list, write down the substances whose densities most 

closely match your experimentally determined density of your unknown. 

Caution: Wear departmentally approved safely goggles while doing this experiment. 

ALWAYS USE caution in the laboratory. Many chemicals are potentially harmful. 

Prevent contact with your eyes, skin, and clothing. Avoid Ingesting any of the 

reagents. 
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Part A: Determining the Density of a Liquid 

 

1. Obtain about 10 mL of selected liquid in a dry 100-mL beaker. Record the 

identity of selected liquid on your Results sheet. 

2. Weigh a dry, 10-mL graduated cylinder. Record the mass of the cylinder. 

3. Remove the cylinder from the balance. Pour 4-5 mL of liquid into the 

cylinder. This portion is Sample 1. 

4. Read and record the volume of Sample 1. Be sure to read the bottom of the 

meniscus, or curved liquid surface, as shown in Figure 1.1. 

5. Determine the mass of the graduated cylinder and Sample 1. Record this 

mass. 

6. Remove the graduated cylinder from the balance.  

7. Add 2-3 mL of selected liquid to Sample 1 in the cylinder. Make sure that 

the liquid level remains within the calibrated portion of the cylinder. This 

new volume of alcohol is Sample 2. 

8. Read and record the volume of Sample 2. 

9. Determine and record the mass of the graduated cylinder and Sample 2.  

10. Discarded liquid according to the instructor’s directions.  

11. Thoroughly clean the cylinder with detergent and water. 

Caution: Rubbing alcohol is a flammable, toxic irritant. Keep it away from open 

flames and other heat sources. Read the label on the bottle of alcohol 

provided by your laboratory instructor for additional hazards associated 

with this substance. 
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Part B: Determining the Density of an Unknown Object 

1. Obtain a dry unknown object from your Laboratory Instructor. If provided 

with an identification code, record on results sheet. 

2. Weigh the unknown object and record its mass. 

3. Add 12-13 mL of water to your 25-mL graduated cylinder with water. Read 

and record the volume of water in the graduated cylinder. 

4. Slightly tilt the graduated cylinder.  

5. Carefully slide the object into the water, being careful not to splash any 

water out of the cylinder. Be sure the object is completely submerged. 

6. Read and record the volume of water and object. 

7. Pour the water from the graduated cylinder into the sink, being careful not to 

lose the object.  

8. Thoroughly dry the unknown object. Repeat for 2-3 determinations as time 

permits. 

 

  

Caution: Wash your hands thoroughly with soap or detergent before 

leaving the laboratory. 
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Calculations 

Part A: 

Mass of liquid = Mass of graduated cylinder and liquid – mass of graduated 

cylinder (eq. 1.1) 

Density = Mass of liquid / Volume of liquid (eq. 1.2) 

Part B: 

Volume of unknown metal = Volume of water and unknown metal – Volume of 

water (eq. 1.3) 

Density = Mass of unknown metal / Calculated volume of unknown metal (eq. 1.3) 
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Results 

Remember to show all calculations in your lab composition notebook. 

Part A: Determining the Density of a Liquid 

If using rubbing alcohol, give the percentage    

If using different liquid, state it here  

     

 Sample 1 Sample 2 

Mass of 10-mL graduated cylinder, g    

Mass of 10-mL graduated cylinder and liquid, g   

Mass of liquid, g   

Volume of liquid, mL   

Density of liquid, g/mL   

  

Average Density  

Specific Gravity  
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Part B: Determining the Density and Identity of an Unknown Metal 

 Determination 

1 

Determination 

2 

Determination 

3 

Unknown metal mass, g 

  

   

Volume of water, mL 

 

   

Volume of water and 

unknown metal, mL 

   

Calculated volume of 

unknown metal, mL 

   

Density of unknown 

metal, g/mL 

   

Average Density of 

unknown metal, g/mL 

   

 

Physical properties of unknown metal: 

 

Identity of unknown object:  
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Lab 3: Atomic Structure and Periodic Properties 

Purpose of the Experiment 

In this lab, the periodic table of chemicals, simply referred to as the periodic table, 

will be investigated and used to determine chemical and physical properties of 

various elements. The structure of the atoms will also be determined along with the 

prediction of physical properties based on the elements positioning within the 

table. Lastly, a flame test will be done to demonstrate how electrons can be 

excited.  

Background Required 

Students are required to know how to use instruments for measuring length, mass, 

volume, and temperature. Students will also need to understand the difference of SI 

(metric) system of measurement and US customary units of measurement.  

Background Information 

Periodic Table 

The periodic table is an organized arrangement of all known chemical elements, 

which are pure substances that cannot be further decomposed into simpler 

substances by any chemical reaction. The table was first developed in 1869 by 

Russian chemist Dimitri Mendeleev who originally arranged the elements in order 

of increasing atomic mass—the average mass of an atom, measured in atomic 

mass units (amu). In the modern periodic table, elements are arranged in order of 

increasing atomic number, which is the total number of protons in an atom’s 

nucleus. 

There are 7 horizontal rows and 18 vertical columns in the periodic table. 
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The horizontal rows are called periods (or series). Atomic number increases from 

left to right of each period. The properties of elements in the same period tend to 

differ in similarity. 

The vertical columns are called groups (or families). Atomic number increases 

from top to bottom of each group. Unlike with periods, elements within the same 

group have similar properties. Groups are typically given specific names to help 

classify these elements. Main-group elements belong to groups 1, 2, and 13-18. 

Four important main groups of the periodic table are the alkali metals (group 1A), 

the alkaline earth metals (group 2A), the halogens (group 17A), and the noble 

gases (group 18A). 

Each periodic group has a specific number of valence electrons, with the 

exception of some transition metal elements (groups 3-12). Valance electrons are 

the electrons in an element’s outermost shell (the valence shell). Alkali metals 

have 1 valence electron and tend to lose one electron. Alkaline earth metals have 2 

valence electrons and tend to lose two electrons. Halogens have 7 valence electrons 

and tend to gain one electron. Noble gases have a full valence shell with 8 valence 

electrons. Therefore, elements belonging to the noble gas group do not tend to lose 

or gain any electrons and are generally highly unreactive. 

Another common way elements are classified in the periodic table is by classifying 

them as metals, nonmetals, and metalloids. Some periodic tables may have a dark, 

stairs-shaped line that separates the metals on the left side of the table from the 

non-metals on the right. 

Structure of an atom 

Atoms are the smallest organized system of matter. Atoms are composed of 

protons, neutrons, and electrons. The protons, which are a positively charged 
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material, along with the neutrons, which are a neutral material, are found in the 

nucleus, the center of the atom. The electrons, which are negatively charged, orbit 

the atom. Electrons are responsible for the chemical reactions between atoms. 

Electrons can also be found free, not bounded to a nucleus.  

Atoms have a net charge of 0. Therefore, the number of electrons orbiting an atom 

will always be equal to the number of protons in the nucleus. The helium atom, 

which has an atomic number of two, has 2 protons. This means a helium atom will 

have 2 electrons orbiting its nucleus. 

There are many models of atoms. The most common depiction of an atom is the 

Bohr model. 

 

 

 

If the number of electrons isn’t equal to the number of protons, it is no longer an 

atom but an ion. Ions are either negatively charged (anion) or positively charged 

(cation). The charge of an ion can be determined based on the sum of the net 

charge. An ion that has 17 protons and 18 electrons ((+17) + (-18)) will have a net 

charge of -1. The number of neutrons present can vary based on the isotope. 

Isotopes will be discussed in the next section. 

Isotopes 

The elements of the periodic table are identified based on the number of protons 

present within the nucleus. Therefore, the protons within an atom do not vary for 

each element. This is not true for the number of neutrons. Each element has 

12P+ 

12N 
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various forms that can be found in nature. These various forms are referred to as 

isotopes. 

Here are some common Isotopes of Oxygen. 

 

Again, Isotopes are various forms of an element. While they are the same in proton 

number and are located on the periodic table in the same place, they differ in their 

mass number, due to the differing number of neutrons. In the example above, it is 

important to note that, due to the mass number of the atom being the sum of the 

protons and neutrons, it is possible to calculate an unknown value when the other 

two are known. Take time to observe the proton and neutron values of the above 

isotopes along with the isotopes name, which includes the mass number. Example: 

Oxygen-17 has the mass number of 17. Since the Oxygen atom will always have 8 

protons, it can be concluded that Oxygen-17 isotope will have 9 neutrons. Note 

that atoms are always neutrally charged, so the number of electrons will be equal to 

the number of protons. Oxygen-17 has 8 protons, 9 neutrons, a mass number of 17 

(8+9=17), and 8 electrons (protons=electrons, when referring to atoms) 

Flame Test 

The purpose of the flame test is to identify metal ions through the observation of 

the color emitted within the flame. However, there are limitations, as all metals do 
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not emit light in the visible spectrum (color). The metals in Group 1 emit the most 

noticeable color, so it is these metal ions that are usually used to conduct the flame 

test. 

The science behind the flame test is that when an ion (or atom) is heated with a 

strong hear (flame), the electrons are promoted from the normal state (unexcited) 

into a higher orbital. When these electrons move back to their unexcited state, 

energy is released as light. When this light is within the visible spectrum, a color is 

emitted. Each ion or atom has a specific amount of energy that will be released at a 

specific wavelength (frequency). The color that is visible is a combination of the 

line spectrum that is visible to the eyes.  

The jump of the ions’ electrons when heated have very high energy, and the 

spectrum of the lines is in the UV region. This is not visible to the human eye. It is 

the light spectrum as the electrons fall from the excited state to the normal state 

that creates lines that are visible. 

 

The electron configuration of sodium is 1s22s22P63s1. When heated, a bright 

orangish yellow flame is observed. This color is a result of the 3s1 electron, which 

was promoted, upon heating, to the 3p1 level falling back to the 3s1 level and 
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emitting light. The orangish-yellow color correlates to the gap between the 3p1 and 

3s1 levels.  

Procedure 

Part A: Physical Properties of Elements 

1. Using your textbook as reference, color the periodic table.  

Using a color pencil… 

1. color Alkali Metals red. 

2. color Alkaline Metals orange. 

3. color Transition Metals yellow 

4. color Halogens blue 

5. color Noble Gases purple 

6. draw a green line separating the metals from the nonmetals and 

color metalloids with yellow green. 

7. color lanthanide series sky blue 

8. color Actinide series brown 

2. Answer selected questions using periodic table 

3. In Table 3.1, using Periodic Table…  

1. write the names of the element associated with the symbol 

2. record atomic number 

3. identify elements as metal (M), metalloid (m), or non-metal (N). 

4. Using samples provided by instructor complete the remain information 

for Table 3.1. Some samples may be unavailable. If sample is 

unavailable, pictures may be used to make observations. 

1. Observe and record color 

2. Observe and record luster (Shiny or Dull) 
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Part B: Structure of atoms and Ions 

I. Using the partial data provided in Table 3.2 fill in the missing 

information for the various atoms. 

II. Using the partial data provided in Table 3.3 fill in the missing 

information for the various atoms. 

Part C: Isotopes 

Using the partial data provided in Table 3.4 fill in the missing information for the 

various isotopes. 

Part D: Flame Test (Recommended as a Demonstration) 

Caution: Wear departmentally approved safely goggles while doing this experiment. 

ALWAYS USE caution in the laboratory. Many chemicals are potentially harmful. Prevent 

contact with your eyes, skin, and clothing. Avoid Ingesting any of the reagents. 

 

Caution: Calcium chloride (CaCl2-) can cause serious eye irritation. Avoid contact 

with eyes, skin, and clothing. Do not inhale or ingest. Wear goggles, gloves, and 

protective clothing while handling. Wash hands thoroughly after handling. 

 

Caution: Potassium chloride (KCl-) can cause skin irritation and serious eye 

irritation. Avoid contact with eyes, skin, and clothing. Do not inhale or ingest. Wear 

goggles, gloves, and protective clothing while handling. Wash hands thoroughly 

after handling. 

 

Caution: Strontium chloride (SrCl2-) can cause mild skin irritation and serious eye 

irritation. Avoid contact with eyes, skin, and clothing. Do not inhale or ingest. Wear 

goggles, gloves, and protective clothing while handling. Wash hands thoroughly 

after handling. 

 

Caution: Copper(II) chloride (CuCl2-) is a toxic irritant. Can cause eye, skin, and 

respiratory irritation. Avoid contact with eyes, skin, and clothing. Do not inhale or 

ingest. Wear goggles, gloves, and protective clothing while handling. Wash hands 

thoroughly after handling. 

 

Caution: Lithium chloride (LiCl-) is a toxic irritant. Can cause skin irritation and 

serious eye irritation. Avoid contact with eyes, skin, and clothing. Do not inhale or 

ingest. Wear goggles, gloves, and protective clothing while handling. Wash hands 

thoroughly after handling. 
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I. 1 M Salt solution and wooden splint Preparation: 

1. Acquire a 100-mL beaker and 50-mL volumetric flask for each salt 

sample. Label the beakers and volumetric flasks with the salts being 

prepared. 

2.  Add the solid salts to the appropriate volumetric flask and dilute to 50 

mL. 

• 5.5 g CaCl2 

• 3.7 g KCl 

• 2.9 g NaCl 

The following salts are optional and will require special waste disposal: 

• 7.9 g SrCl2 

• 8.5 g CuCl2 

• 2.1 g LiCl 

3. Mix each sample until thoroughly dissolves. 

4. Pour 30 mL of salt solutions into appropriate 100-mL beaker. This 

should be enough to soak about 8-10 wooden splints. 

5. Place desired wooden splints into each beaker and let soak overnight.  

 Note: For flame test to work exact concentrations are not necessary. Therefore, 

alternatively each salt can be added to appropriate beaker and 50 mL of water can 

be added to solid salts. Wooden splints can be used to stir salts to dissolve. 
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II. Flame test: 

If experiment is being done as a demonstration it is recommended that 

those viewing are ~10 feet away and are also wearing proper PPE. 

 

1. Obtain previously prepared solutions with soaking splints. 

2. Fill a 400-mL beaker about halfway with water and have it readily 

available where flame test will be performed. This will be used to 

extinguish the flame after each test. 

3. Ensure the area is clear of flammable material and clutter. Hair should 

be tied back.  

4. Set up and light Bunsen burner. 

5. One at a time, slowly run the soaked splints through the flame. 

6. Record the name of the salt and the observed color in results. 

7. Estimate wavelength of each sample using chart and calculate the 

frequency. 

8. (Optional) Acquire a splint soaked in an unknown salt solution. 

9. Perform flame test. 

10. Record results and identify metal present.  

 

 

 

  

Caution: Wash your hands thoroughly with soap or detergent before 

leaving the laboratory. 
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Part E: Atomic Radius trend within the Periodic Table 

1. Title Graph “Atomic Number Vs. Atomic Radius” 

2. Label the axis of abscissas (x-axis) “Atomic Number” 

3. Label the axis of ordinates (y-axis) “Atomic Radius, pm” 

4. With a color pencil and using the following information plot the Atomic 

Number Vs Atomic Radius graph. 

Atomic Number Symbol Element Name Atomic Radius, picometer 

1 H Hydrogen 53 pm 

2 He Helium 31 pm 

3 Li Lithium 167 pm 

4 Be Beryllium 112 pm 

5 B Boron 87 pm 

6 C Carbon 67 pm 

7 N Nitrogen 56 pm 

8 O Oxygen 48 pm 

9 F Fluorine 42 pm 

10 Ne Neon 38 pm 

11 Na Sodium 190 pm 

12 Mg Magnesium 145 pm 

13 Al Aluminum 118 pm 

14 Si Silicon 111 pm 

15 P Phosphorus 98 pm 

16 S Sulfur 88 pm 

17 Cl Chlorine 79 pm 

18 Ar Argon 71 pm 

19 K Potassium 243 pm 

20 Ca Calcium 194 pm 
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5. Connect all points using a pencil. Be sure to not cover the colored points. 

6. To the left of the periodic table in the results for Part A, draw an arrow 

(vertical) pointing in the direction of increasing radius for each group. 

Above the periodic table, draw an arrow (horizontal) pointing in the 

directions of increasing radius for each period. 

7. In your conclusion, considering the structure of an atom and the charges 

of the subatomic particles to explain the scientific phenomenon of your 

observations. 

 

Calculations 

The relationship of the speed of light (c) in m/s, wavelength (λ) in m, and 

frequency (ν) in Hz or 1/s. 

𝒄 = 𝝀𝝊 
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Results 

Remember to show all calculations in your lab notebook. 

Part A: 

I.  

 

II. Element in group 2 period 4  _______ 

Halogen in period 3   _______ 

Noble Gas in row 1  _______ 

Halogen in period 4  _______ 

Mg Group   _______ 

Element in group 1 period 2 _______ 

Alkali Metal in period 3 _______ 

Alkaline Metal in period 2 _______ 
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III and IV. 

Table 3.1 

Symbol Name Atomic Number M, m, or N Color S or D 

Li      
Cr      
Si      
Al      
Na      
Mg      
S      

Ca      
C      
Br      
Sn      
Pb      
Zn      
Ne      
Ni      
Ag      
Fe      
Au      
Cu      
Ge      
Cd      
I      
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Part B: 

Table 3.2 

Symbol Mass Number Atomic Number Protons Neutrons Electrons 

Na  11  12 11 

Be 9    4 

  17  18  

Co    32  

   12 12  

    7 7 

 16  8   

 

Table 3.3 

Ion Chemical 

Formula 

Cation 

or Anion 

# e- lost or 

gained 

Protons/ 

Atomic # 
Neutrons Electrons Mass # 

O-2   8 8   

  2 e- gained 16   32 

 Cation  26  24 54 

Al+3     10 27 
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Part C: 

Table 3.4 

Symbol Isotope Name Mass Number Protons Neutrons 

𝐻1
3  Hydrogen-3 3 1 2 

  129  76 

   56 79 

𝑂8
17      

 Carbon-13    

 

Part D: 

Salt Sample Metal Ion Color Observed Wavelength (λ), m Frequency (ν), Hz 

     

     

     

     

     

Unknown     
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Part E: 
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Lab 4: Determining the Empirical Formula  

Purpose of the Experiment 

Determine the empirical formula of a compound formed from the reaction of iron 

(Steel Wool) and oxygen (Hydrogen Peroxide). 

Background Required 

Students should understand key terms: Empirical Formula, Gram-atom, Gram-

atomic mass, Molecular Weight, and Limiting Reagent.  

Background Information 

The purpose of this lab is to investigate how the formula of a chemical compound 

can be determined based on the law of definite proportions. This law states that 

any given chemical compound contains the same proportions of elements by mass, 

regardless of the amount present. For example, any sample of pure carbon dioxide 

(CO2)—whether it is 20 g or 45 g—will always contain 72.7% oxygen and 27.3% 

carbon by mass. The law can be used to determine if compounds that contain the 

same elements are different or the same. For example: CO2 contains 72.7% oxygen 

and 27.3% carbon. If the percent composition of another chemical compound 

containing carbon and oxygen was determined to be 57.12 % oxygen and 42.88% 

carbon, it could not be CO2. It can also be used to identify chemical compounds, 

using the proportions by mass of each element present in the compound. The 

chemical compound that contains 57.12% oxygen and 42.88% carbon is carbon 

monoxide (CO). As with percent composition, the ratio of each element in any 

given chemical compound is always the same and can be used to identify chemical 

compounds and their molecular formulas. 
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Most are familiar with the molecular formula of a compound, which gives the 

actual number of atoms of each element in the compound. Another type of formula 

is the empirical formula. The empirical formula gives the simplified ratio of the 

atoms of each element. 

Example: The molecular formula for glucose is C6H12O6. This gives the ratio of 

carbon, hydrogen, and oxygen to be 6:12:6, which can be simplified to 1:2:1. 

Therefore, the empirical formula would be CH2O.  

The empirical formula can be used along with the compound’s molecular mass to 

determine its molecular formula. This can be done by dividing the compounds 

molar mass by the empirical formula’s mass and using the integer to multiply the 

empirical formula.  

For example, the molar mass of glucose is 180 g/mol. The mass of the empirical 

formula, CH2O, is (1 x 12 g/mol) + (2 x 1 g/mol) + (1 x 16 g/mol) = 30 g/mol. 

Dividing 180 g/mol by 30 g/mol gives the integer of 6. Therefore, 6 x (CH2O) 

gives you the molecular formula of C6H12O6. 

 In this lab, you will determine the empirical formula using the principle of the law 

of definite proportions and the change of mass of a substance after the chemical 

reactions.  

• Gram-atoms (g-a) are the number of atoms present in one mole of a 

substance.  

• Gram-atomic mass (g/g-a) is the mass, in grams, of one mole of atoms in a 

monatomic chemical element—an atom not bonded to anything else. It is 

numerically equal to the relative atomic mass (or atomic weight) in grams. 

The atomic mass of an element expressed in grams is called gram-atomic 

mass. For example, oxygen is 16.00 grams.  
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Procedure 

 

Day 1 

1. Obtain about 0.5 g of steel wool. 

2. Record exact mass on results sheet. 

3. Obtain a 250 mL beaker and label “Iron Reaction Mixture”. 

4. Place the steel wool into the labeled 250 mL beaker. 

5. Add 100.0 mL of 3% hydrogen peroxide to cover the steel wool.  

6. Add 0.4 g of sodium chloride to the solution to provide the electrolyte for 

the reaction. 

7. Set solution reaction mixture aside for 24 hours. 

 

Day 2 

1. Using a stirring rod mix the content of the beaker and if you observe the 

presence of bubbles. 

2. Add an additional 30 mL of 3% hydrogen peroxide to the reaction 

mixture. 

3. Using stirring rod mix reaction mixture 

4. Using 3 mL of distilled water rinse stirring rod into reaction mixture to 

ensure not to lose any iron or rust that may stick to stirring rod. 

5. Set reaction mixture aside for an additional 24 hours.  

Caution: Wear departmentally approved safely goggles while doing this experiment. 

ALWAYS USE caution in the laboratory. Many chemicals are potentially harmful. Prevent 

contact with your eyes, skin, and clothing. Avoid Ingesting any of the reagents. 

Caution: Hydrogen peroxide is a strong oxidizer. Can be corrosive to eyes, skin 

and respiratory system. Read the label on the bottle provided by your 

laboratory instructor for additional hazards associated with this substance. 
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Day 3 

1. Record the mass of filter paper. 

2. Setup filtration apparatus as instructed by 

instructor. 

3. Vacuum filtration is ideal. Gravity filtration can 

be used if vacuum isn’t available. 

4. Filter the contents of the beaker. Using a pipette to rinse the small 

particles left at the bottom of the beaker into the filter. 

5. Thoroughly rinse the precipitate on the filter paper with water. 

6. If using gravity filtration, allow the filter paper to dry for 8-12 hrs. or 

until filter paper is completely dry. When using vacuum filtration, filter 

paper can be removed and placed on watch glass and dried using a hot 

water bath.  

 

Day 3 or 4 

1. Measure the mass of the paper and its contents.  

2. Using data determine the mass of iron (Fe), 

rust, and mass of oxygen (O).  

3. Complete Results and Data Sheet 

4. Write the empirical formula for the product formed when iron and 

oxygen react. 

 

Caution: Wash your hands thoroughly with soap or detergent before 

leaving the laboratory each day. 
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Alternate filtration apparatus (gravity filtration)  
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Calculations 

Find the mass of iron used: 

Mass of Iron = mass of weigh boat and steel wool - mass of weigh boat (eq. 2.1) 

 

Find the mass of rust formed: 

Mass of rust = filter paper + product – filter paper (eq. 2.2) 

Find the mass of oxygen that reacted. 

Mass of oxygen = mass of rust – mass of Iron (eq. 2.3) 

Calculate the percent iron in the product: 

% Iron = mass of Iron / mass of product (eq. 2.4) 

Calculate the number of gram-atoms of iron that reacted: 

Number of gram-atoms of iron = mass of iron reacted / gram-atomic mass of iron 

(eq. 2.5) 

Calculate the number of gram-atoms of oxygen that reacted: 

Number of gram-atoms of oxygen = mass of oxygen reacted / gram-atomic mass of 

oxygen (eq. 2.6) 

Find the ratio of the number of gram-atoms of iron to the number of gram-

atoms of oxygen: 

ratio= number of gram-atoms of iron: number of gram-atoms of oxygen (eq. 2.7) 
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Results 

Remember to show all calculations in your lab notebook. 

  

DETERMINATIONS  

Mass of weigh boat, g  

                    

Mass of steel wool + weigh boat, g  

Mass of iron used, g  

   

Mass of filter paper, g  

Mass of filter paper + product, g  

Mass of rust formed, g  

  

 Mass of oxygen reacted, g  

  

 Percent of iron in the product, %  

  

Reacted number of gram-atoms of Iron, g-a  

Reacted number of gram-atoms of Oxygen g-a  

   

Ratio of gram-atoms of Iron to Oxygen (Fe:O)  

Empirical Formula of product, FeX O X  
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Lab 5: Classifying Chemical Reactions 

Purpose of the Experiment 

Students will initiate several different types of reactions in lab, carefully analyzing 

the reactants and products and using their data to determine the balanced reaction. 

Background Required 

Students should understand the following terms: Chemical reaction, reactant, 

product, single displacement, double displacement, combustion, synthesis, and 

decomposition. Students should be able to safely work with heat, chemical hoods, 

and chemicals in the laboratory. Proper safety equipment required. 

Background Information 

A chemical reaction is when two or more compounds or elements (called 

reactants) interact at an atomic level to form new products. Think of a tower of 

connecting toy blocks that has been broken apart into pieces, rearranged, and 

formed together to build a new toy car or plane. The same holds true for a chemical 

reaction. In a chemical reaction, bonds must be broken in reactants to form new 

structures and yield a product. Chemical equations represent these reactions with 

reactants on the left side of an arrow and the new products on the right side. In 

some cases where the reaction is reversible, meaning the products can form 

reactants and shift back and forth, a two-headed arrow is used. The 5 basic types of 

chemical reactions are Single displacement, Double displacement, Combustion, 

Synthesis (or combination), and Decomposition. 

Being able to distinguish between these different reaction types will be helpful for 

you as you continue to master Chemistry concepts. It provides insight to how 

matter works and what is happening within a reaction. It is also very useful to 
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understand how matter works and apply that knowledge to predict products of 

other reactions. Being able to predict reactions allows chemists to efficiently 

design new reactions and experimentation. 

Single displacement reactions have the general equation  

A + BC → AC + B 

Single displacement reactions are reactions where a single element replaces a 

similar element in another compound. 

An example of a single displacement reaction is zinc reacting with hydrochloric 

acid to produce zinc chloride. This reaction is written as follows: 

Zn + 2 HCl → ZnCl2 + H2 

Notice the hydrogen atom is displaced (replaced) by the zinc atom. 

Double displacement reactions have the general equation 

AB + CD → AD + CB 

In a double displacement reaction, both reactants swap positive and negative ion 

partners and produce two new compounds with opposite composition from the 

reactants. 

An example of a double displacement reaction is observed in Lab 6. In Lab 6, 

MgSO4 reacts with Na2CO3. This reaction is written as follows: 

 MgSO4 + Na2CO3 → Na2SO4 + MgCO3 

Notice that the positive magnesium and sodium ions switched their negative 

partners. 

Combustion reactions feature the general equation 
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A + O2 → AO2 

These reactions require Oxygen as a reactant and yield heat and light during the 

reaction. Combustion reactions are initiated with a heat or ignition source. 

An example of a combustion reaction is when Magnesium metal is heated to 

initiate its reaction with oxygen. This reaction is written as follows: 

2 Mg + O2 →  MgO 

Notice that the product is an oxide.  

Organic combustion reactions produce carbon dioxide, water, and energy. An 

example of an organic combustion reaction is the combustion of octane in a car 

engine. 

2 C8 H18 + 25 O2 →  CO2 + 18 H2O 

Synthesis reactions (also called combination reactions) feature the general 

equation  

A + B →  AB  

These reactions generally show two or more substances combining to form a new 

product. An example of a synthesis reaction is the reaction of hydrogen gas with 

oxygen gas to form water. 

2 H2 + O2 →  2 H2O  

Notice that the final product is a combination of the two reactants.  
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Decomposition reactions are reactions where the reactants decompose or comes 

apart to form two or more products from the original reactant constituents. It is 

represented by the general equation  

AB →  A + B  

An example of a decomposition reaction is the decomposition of silver bromide 

into silver and bromine in the presence of light. 

2 AgBr →  Ag + Br2 

Or, the decomposition of ferric hydroxide into Ferric oxide and water. 

2 Fe(OH)3 → Fe2O3 + H2O 

Notice in the first decomposition reaction the reactant atoms separated into two 

different products. In the second reaction, the starting material (reactant) produces 

two products. However, the products are composed of a combination of atoms. 

Decomposition reactions can come in a variety of forms. However, they always 

start with one reactant and end with multiple products.  

Each of the previously discussed types of reactions will be represented in your lab 

procedures parts A-E below. Based on the products you see and the given 

reactants, your task is to match up the correct reaction type with the lab procedures 

and balance the chemical equations for each that you observe. 
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Procedure 

 

Part A: Magnesium and Oxygen then Water 

1. Obtain a 2-to-3-in piece of magnesium ribbon 

2. Observe and describe reactants in results. 

3. Light Bunsen burner and adjust flame to have an inner flame. 

4. Using tongs ignite Mg ribbon by placing in inner flame. 

5. Once ignited remove from flame and allow reaction to complete. Do not 

look directly at the light. 

6. Place ash (product) onto watch glass. 

7. Record observations in results. 

8. Write balanced equation of observed chemical reaction and classify the type 

of reaction. 

9. Add a few drops of water using a pipette onto ash and mix dissolving some 

of the ash. 

10. Using blue and red litmus paper determine if solution is acidic or basic. 

Note: Acidic solutions turn blue litmus paper red and red litmus paper remains 

red. Basic solutions turn red litmus paper blue and blue litmus paper remains 

blue. In a neutral solution both red and blue litmus paper go unchanged. 

11. Record observations in results. 

12. Write balanced equation of observed chemical reaction and classify the type 

of reaction. 

13. Dispose of waste as instructed. 

Caution: Wear departmentally approved safely goggles while doing this experiment. 

ALWAYS USE caution in the laboratory. Many chemicals are potentially harmful. Prevent 

contact with your eyes, skin, and clothing. Avoid Ingesting any of the reagents. 
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Part B: Magnesium and HCl 

1. Obtain a small piece of magnesium ribbon (~1 cm in length) 

2. Carefully place 5 mL of 1 M HCl into test tube 

3. Clamp test tube to ring stand and slightly tilt. Be careful not to spill any 

Hydrochloric acid. 

4. Observe and describe reactants in results. 

5. Carefully place Mg ribbon at the top of the test tube. 

6. Straighten test allowing Mg ribbon to fall into 1 M HCl solution. 

7. Record observations in results. 

8. Write balanced equation of observed chemical reaction and classify the type 

of reaction. 

9. Once you allowed reaction to complete, dispose of waste as instructed. 

Part C: Magnesium Sulfate and Sodium Carbonate 

1. Dissolve 1g of MgSO4 in 10 mL of water in a 50-mL beaker 

2. Rinse stirring rod thoroughly between solutions. 

3. Dissolve 1g of Na2CO3 into 20nmL of water in a 100 mL beaker 

4. Observe and describe reactants in results. 

5. Pour the 10 mL of Magnesium sulfate solution into the 100mL beaker 

containing the Sodium Carbonate solution. 

6. Record observations in results. 
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7. Write balanced equation of observed chemical reaction and classify the type 

of reaction. 

8. Dispose of waste as instructed. 

Part D: Ammonium Carbonate and Heat 

1. Obtain red litmus paper, test-tube, test-tube holder, and 

set up Bunsen burner in a fume hood 

2. Place a spatula tip full of Ammonium Carbonate into a 

test tube. 

3. Observe and describe reactant in results. 

4. With red litmus paper readily available, using test tube holder place the test 

tube into the flame of the Bunsen burner to induce the decomposition of the 

(NH4)2CO3. Figure 5.2 

5. After heating for about 5 seconds, note odor of gas produced during 

decomposition by wafting. 

Caution: Never place nose directly over chemicals.  

6. Place red litmus paper across the opening of the test tube. 

7. Note any color change. 

8. Observe remaining contents of test tube. 

9. Record observations in results. 

10. Write balanced equation of observed chemical reaction and classify the type 

of reaction. 

11. Dispose of waste as instructed. 

Part E: Hydrocarbon and Heat 

1. The combustion of naphthalene, an unsaturated hydrocarbon, and hexane, a 

saturated hydrocarbon, can be done under the fume hood as a demonstration 

by instructor. 
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2. Under a fume hood, place about a spatula tip full of naphthalene into 

evaporating dish. 

3. Carefully, using a wooden splint, ignite naphthalene. 

4. Note the color of the smoke produced. 

5. Allow flame to extinguish completely. 

6. In another evaporating dish, under the fume hood, add about 3-4 mL of 

hexane and ignite using a wooden splint. 

7. Note the color of the smoke produced. 

8. Allow flame to extinguish completely. 

9. Once both evaporating dishes cool to room temperature, note the color of the 

tar produced and compare. 

10. Record observations in results. 

11. Write balanced equation of observed chemical reactions and classify the 

type of reaction. 

12. Disposal will be completed by your instructor. 
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Results 

Remember to show all calculations in your lab notebook. 

Part A: 

Reactants Initial observation 

of reactant 

Observation after 

heating 

Observation after 

adding H2O 

Mg 

 

 

 

 

  

    

 Color Change  Color Change 

Blue Litmus Paper 
 

 
Red Litmus Paper 

 

    

    

Observable 

indication that a 

chemical reaction 

took place 

 

 

 

 

 

Balanced 

chemical reaction, 

after heating 
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Classification of 

Reaction 

 

 

 

Balanced 

chemical reaction, 

after addition of 

H2O  

 

 

 

 

Classification of 

Reaction 
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Part B: 

Reactants Initial observation of 

reactants 

Observation of Reaction 

Mixture 

Mg 

 

 

 

 

 

1 M HCl 

 

 

 

 

 

    

Observable 

indication that a 

chemical reaction 

took place 

 

 

 

 

 

Balanced 

chemical reaction 

 

 

 

 

Classification of 

Reaction 
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Part C: 

Reactants Initial observation of 

reactants 

Observation of Reaction 

Mixture 

MgSO4 

 

 

 

 

 

Na2CO3 

 

 

 

 

 

    

Observable 

indication that a 

chemical reaction 

took place 

 

 

 

 

 

Balanced 

chemical reaction 

 

 

 

 

Classification of 

Reaction 
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Part D: 

Reactants Initial observation 

of reactant 

Observation after 

heating 

Odor Indicated 

(NH4)2CO3 

 

 

 

 

  

    

 Color Change 

Blue Litmus Paper 
 

 

    

Observable 

indication that a 

chemical reaction 

took place 

 

 

 

 

 

Balanced 

chemical reaction 

 

 

 

 

Classification of 

Reaction 
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Part E Demonstration: 

Hydrocarbons Initial observation 

of reactant 

Color of smoke Tar Observed 

Hexane 

 

 

 

 

  

Naphthalene 

 

 

 

 

  

    

 Hexane 

Observable 

indication that a 

chemical reaction 

took place 

 

 

 

 

 

Balanced 

chemical reaction 

 

 

 

 

Classification of 

Reaction 
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 Naphthalene 

Observable 

indication that a 

chemical reaction 

took place 

 

 

 

 

 

Balanced 

chemical reaction 

 

 

 

 

Classification of 

Reaction 
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Lab 6: Stoichiometry- Mole Ratio Study 

Purpose of the Experiment 

Verify the mole ratio of a double-displacement reaction experimentally. 

Background Required 

Students should know and understand the following terms: Molarity, 

Concentration, Stoichiometry. Students should also know how to balance a 

chemical reaction. Students should know how to use balance, graduated cylinder, 

and volumetric flask. 

Background Information 

In this experiment, a mole ratio study will be investigated and plotted. A mole ratio 

study can be used to determine the stoichiometry of a chemical reaction. In a mole 

ratio study, the number of moles of one reactant remains constant while the other 

reactant is changed systematically. A property of the system is recorded for each 

system. The systematic change of the varied systems is noted and used to 

determine the mole ratio. In this experiment, the chemical reaction will form a 

precipitate (ppt), which is an insoluble substance. The mass of the precipitate can 

be used in this experiment as a property of the system.  

An example of a mole ratio study uses the provided data: 

 Trial 1 Trial 2 Trial 3 Trial 4 Trial 5 Trial 6 Trial 7 Trial 8 Trial 9 Trial 10 

CuSO4 .01 mol .02 mol .03 mol .035 mol .04 mol .045 mol .05 mol .06 mol .08 mol .1 mol 

NaOH .08 mol .08 mol .08 mol .08 mol .08 mol .08 mol .08 mol .08 mol .08 mol .08 mol 

Ppt.  .81 g 1.85 g 2.72 g 3.15 g 3.81 g 3.77 g 3.75 g 3.72 g 3.82 g 3.71 g 
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Using this data, a graph can be formed to determine the mole ratio. The mass of 

ppt formed will be in the y-axis as the dependent variable and the mole of CuSO4, 

the varying reagent, in the 

x-axis as the independent 

variable. Next, a best-fit 

linear line should be 

drawn from left to right. 

Then, a best-fit horizontal 

line should be drawn 

right to left. At the point 

of intersection, a vertical 

line will need to be drawn towards x-axis. The point of x-axis intersection provides 

the max number of moles that will react with the reactant that remains constant. In 

this experiment it is .08 moles of NaOH. This provides the mole ratio of Sodium 

Hydroxide, NaOH, to Copper Sulfate, CuSO4. Since, NaOH was a constant .08 

moles, the mole ratio is .08:.04 or simplified to 2:1. Therefore, the precipitate can 

be determined to possibly be Cu(OH)2. 

This chemical equation can be written as follows: 

CuSO4(aq) + 2 NaOH(aq)    Na2SO4 (aq) + Cu(OH)2 (ppt) 
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Procedures 

In this lab you will be looking at a Magnesium Sulfate and Sodium Carbonate 

system and determining their mole ratio using the data obtained. Instructor may 

require each student to complete all 10 determinations or assign individuals 

different determinations if time is limited. 

 

 

Part A: Preparation of Reagents (2M MgSO4 and 1M Na2CO3) 

2M MgSO4 

9. Measure 12.04 g Epsom salt (MgSO4) using weigh boat. 

10. Add about 25 mL of H2O to 50 mL volumetric flask. 

11. Add measured Epsom (MgSO4) salt to volumetric flask. 

12. Add water to reach 50 mL on volumetric flask. 

13. Pipette last few drops so volume does not exceed 50 mL mark. 

14. Mix until fully dissolved. 

15. Pour solution into 100 mL beaker. 

16. Clean volumetric flask, weigh boat and stirring rod with soap and water. 

Rinse well. 

  

Caution: Wear departmentally approved safely goggles while doing this 

experiment. ALWAYS USE caution in the laboratory. Many chemicals are 

potentially harmful. Prevent contact with your eyes, skin, and clothing. Avoid 

Ingesting any of the reagents. 
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1M Na2CO4 

 

1. Measure 5.3 g of Soda Ash (Na2CO3) using a different weigh boat. 

2. Add about 25 mL of H2O to clean 50 mL volumetric flask. 

3. Add measured Soda Ash (Na2CO3) to volumetric flask. 

4. Add water to reach 50 mL on volumetric flask. 

5. Pipette last few drops so volume does not exceed 50 mL mark. 

6. Mix until fully dissolved. 

7. Pour solution into another 100 mL beaker. 

Part B:  Double Displacement Reaction Mole Ratio Study 

Note: 

• The accuracy of the results is dependent on precise mass measurements. 

Labware should be clean, and do not lose any reactants or products during 

your lab work. 

 

1. Acquire your assigned number and record on Data Sheet. 

2. Using the table provided below, add the appropriate amount of 2M MgSO4 

and Na2CO3 to 50 mL beaker using a different transfer pipette* for each 

solution. Using Equation 3.2, complete table 3.1 based on molarity of 

solution used. 

 

*For better accuracy, if available, burets can be used to measure and 

allocate reagents in reaction mixture. 

Caution: Soda Ash (Na2CO3) can cause serious eye irritation. May be 

a skin irritant. Should not be ingested or inhaled. Soda Ash is used as a 

common detergent. 
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3. Record the mass of filter paper; insert/fold filter paper into funnel. 

4. Filter solution to collect precipitate using funnel equipped with filter paper. 

5. If there remains precipitate in beaker use small amount of water to wash any 

remaining precipitate onto filter paper  

6. Allow filter paper apparatus to drain. 

7. Record the mass of a watch glass. 

8. Remove the filter and residue and place on watch glass to dry for 8-12 hrs. 

or until filter paper is completely dry. Using minimal water rinse beaker to 

ensure all residue has been collected on filter paper. 

9. Record mass of precipitate residue, filter paper, and watch glass. 

10. Calculate mass of product (residue) and complete results and calculations. 

 

Table 3.1 

Assigned # 1 2 3 4 5 6 7 8 9 10 

2M MgSO4 1 mL 2 mL 3 mL 4 mL 5 mL 5.5 mL 6 mL 7 mL 8 mL 10 mL 

MgSO4 

(moles) 
          

           

1M Na2CO3 6 mL 6 mL 6 mL 6 mL 6 mL 6 mL 6 mL 6 mL 6 mL 6 mL 

Na2CO3 

(moles) 
          

 

Calculations 

Mass of residue = Mass of filter paper and precipitate – filter paper (eq. 3.1) 

Number of moles = (Volume, mL) (1L/1000 mL) (Molarity, moles/L) (eq. 3.2)  

Caution: Wash your hands thoroughly with soap or detergent before leaving the laboratory. 
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Results 

Remember to show all calculations in your lab notebook. 

Assignment Number: ______ 

Personal Data 

DETERMINATIONS 1st  2nd  3rd  

Volume of 1.00 M Na2CO3 Solution, mL    

Number of moles of Na2CO3    

    

Volume of 2.00 M MgSO4 Solution, mL    

Number of moles of MgSO4    

    

    

Mass of filter paper, g    

Mass of watch glass, g    

Mass of filter paper, watch glass + 

residue, g  

   

    

Mass of residue, g  

(All masses should be recorded in 

notebook) 

   

    

Mole Ratio of NaCO3  : MgSO4    
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Class Data 

Laboratory 

Assignment 

Number 

Volume of 

2.00 M 

MgSO4 

Solution, mL 

Number of 

moles of 

MgSO4 

Mass of 

residue(s), g 

Average Mass 

of residue, g 

1 
 

 

   

2 
 

 

   

3 
 

 

   

4 
 

 

   

5 
 

 

   

6 
 

 

   

7 
 

 

   

8 
 

 

   

9 
 

 

   

10 
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Class Data Graph 
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Lab 7: Percent Yield of Magnesium Hydroxide 

Purpose of the Experiment 

Prepare Magnesium Hydroxide from Magnesium Sulfate and Sodium Hydroxide, 

determine the experimental and theoretical yield, and calculate your percent yield. 

Background Required   

Students should know and understand the following terms: Molar Mass, Molarity, 

Concentration, Stoichiometry. Students should also know how to balance a 

chemical reaction. Students should know how to use balance, graduated cylinder, 

and volumetric flask. 

Background Information 

The purpose of this lab is to prepare magnesium hydroxide [Mg(OH)2] from 

magnesium sulfate (MgSO4) and sodium hydroxide (NaOH), calculate the 

theoretical and experimental yield, and calculate the percent yield of your 

experiment. 

To complete this lab, it is important to understand stoichiometry. Stoichiometry 

refers to the study of the quantitative properties in a chemical reaction. The 

principles of stoichiometry are derived from the law of definite proportions and 

the law of conservation of mass: 

As defined in Lab 4: the law or definite proportions states that any given 

chemical compound contains the same proportions of elements by mass, 

regardless of the amount present. 

The law of conservation of mass states that amount of matter (or mass) in a 

closed system will remain constant in a chemical reaction. In other words, 
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substances involved in a system can convert from one form of matter to 

another, but the amount of matter cannot be increased or reduced by the 

reaction. 

There are many key topics in the study of stoichiometry. The topics this 

experiment will focus on deal with molarity (concentration), balancing chemical 

equations, limiting reagents, and calculating the theoretical, experimental, and 

percent yields of an experiment. Refer to the following sections to learn about each 

of these topics: 

Molarity 

Molarity (M) is the ratio of moles of solute per one liter of solution. It is 

used to measure the molar concentration of a solution, and can be used as a 

conversion factor for many stoichiometric calculations. By using molarity as 

a conversion factor, it can be used to determine the amount of moles of a 

solute or the volume of a solvent in a solution. 

The formula for molarity is 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 =  
𝑀𝑜𝑙𝑒𝑠 𝑜𝑓 𝑆𝑜𝑙𝑢𝑡𝑒

𝐿𝑖𝑡𝑒𝑟𝑠 𝑜𝑓 𝑆𝑜𝑙𝑢𝑡𝑖𝑜𝑛
 or 𝑀 =

𝑚𝑜𝑙

𝐿
. To 

determine the molarity of a substance from its mass and the volume solution: 

1. Calculate the molar mass (g/mol) of the solute using the periodic 

table, e.g., Molar mass of H2O = 1.01(2) g/mol + 16.00 g/mol = 

18.02 g/mol H2O. 

2. Determine the liters of solution. 

3. Determine the mass of solute (g) by weighing, then convert grams 

to moles: 𝑀𝑎𝑠𝑠 𝑜𝑓 𝑆𝑜𝑙𝑢𝑡𝑒 (𝑔) 𝑥 𝑀𝑜𝑙𝑎𝑟 𝑀𝑎𝑠𝑠 𝑜𝑓 𝑆𝑜𝑙𝑢𝑡𝑒 (
1

(
𝑔

𝑚𝑜𝑙
)
) =

 𝑔 𝑜𝑓𝑠𝑜𝑙𝑢𝑡𝑒 𝑥 (
𝑚𝑜𝑙

𝑔 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒
 )  =  𝑚𝑜𝑙 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒. 
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4. Divide the determined number of moles of solute by the number of 

liters of solution: M = mol / L. 

Balancing Chemical Equations 

A chemical equation uses chemical formulas, numbers, and various 

symbols and abbreviations to describe a chemical reaction. For example, the 

chemical equation for water is H2 (g) + O2 (g) →  H2O (l). 

In a chemical equation, the reactants, also known as reagents, are placed on 

the left side of the equation and products are placed on the right side. 

Abbreviations are placed in parentheses beside the chemical formulas to 

indicate the physical state of each substance: 

• (g) = gas 

• (l) = liquid 

• (s) = solid 

• (aq) = aqueous solutions (substances dissolved in water) 

Subscripts are the numbers in a chemical formula that indicate the number 

of each atom in a molecule. For example, in the molecule H2O, the subscript 

“2” indicates there are 2 hydrogen atoms in one water molecule. 

Because matter cannot be created or destroyed, the same number of each 

atom must be present on both sides of a chemical equation. A chemical 

equation that doesn’t have the same number of each atom on both sides of 

the equation is called an unbalanced equation. Using an unbalanced 

equation will not yield valid results. Therefore, it is crucial to balance all 

chemical equations before using them in any stoichiometric processes. 

Example: Balance the chemical equation H2 (g) + O2 (g) → H2O (l). 
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The first step in balancing chemical equations is to see how many of each 

atom are on both sides of the equation. On the left (reactants) side, there are 

2 hydrogen atoms and 2 oxygen atoms. On the right (products) side, there 

are 2 hydrogen atoms and 1 oxygen atom. Therefore, the equation is 

unbalanced because there is an uneven amount of oxygen atoms on both 

sides. 

When balancing chemical equations, subscripts must not be changed. 

Instead, coefficients must be used. Coefficients are numbers placed before 

chemical formulas to indicate the number of molecules used or produced in 

a chemical reaction.  

To balance the amount of oxygen atoms in the equation, place a 2 in front of 

the H2O molecule on the right side of the equation: 

H2 (g) + O2 (g) → 2H2O (l) 

Coefficients will distribute to each atom in that molecule. To find the new 

number of atoms, multiply each subscript in the molecule by the coefficient. 

This means there are now 2 x 2 H = 4 hydrogen atoms and 2 x 1 O = 2 

oxygen atoms on the right side. 

Because there are only 2 hydrogen atoms on the left side, a coefficient of 2 

must also be added before the H2 molecule to balance the number of 

hydrogens: 

2H2 (g) + O2 (g) → 2H2O (l) 

When there are no coefficients before a molecule, the coefficient is assumed 

to be 1. There are now 2 x 2 H = 4 hydrogens atoms and 1 x 2 O = 2 oxygen 

atoms on the left side of the chemical equation. Therefore, the equation is 
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now balanced with 4 hydrogen atoms and 2 oxygen atoms on both sides of 

the equation. 

The final balanced equation, 2H2 (g) + O2 (g) → 2H2O (l), indicates that it 

takes 2 H2 molecules and 1 O2 molecules to make 2 H2O molecules. 

Limiting Reagents 

Imagine you are assembling a scooter: To assemble 1 scooter, you must have 

the necessary components, such as 2 wheels and 1 scooter frame. If you have 

5 scooter frames and 6 wheels, could you make all 5 scooters? No, you 

could not. To make all 5 scooters, you would need at least 10 wheels. With 5 

frames and only 6 wheels, you could only make 3 scooters because you 

would run out of wheels faster than you’d run out of frames. Thus, the lack 

of a proper number of wheels has limited your ability to keep producing the 

scooters and the extra 2 scooter frames are left in excess. Likewise, a 

chemical reaction that does not contain the correct stoichiometric 

proportions of reactants can only produce has much product as the limiting 

reagent allows. 

A limiting reagent (or limiting reactant) is the first reactant that is 

completely consumed in a chemical reaction. When the limiting reagent runs 

out, it limits the reaction and causes the process to immediately cease 

because there is none left to continue the reaction with the reactant that is in 

excess. It both determines when the reaction ends and how much product 

can be produced. An excess reagent (or excess reactant) is the reactant that 

is not completely used up in a chemical reaction because it is available in a 

greater amount than necessary to completely react with the limiting reactant. 
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Just like the five excess scooter frames could not accurately determine how 

many scooters could be assembled, the excess reagent cannot be used to 

determine how much product a chemical reaction mixture can produce. To 

calculate the maximum amount of product that can be produced by a 

chemical reaction (see “Theoretical Yield” on pg. 84), the limiting reagent 

must be used. 

There are two methods to determine which reactant is the limiting reagent 

and which is the excess reagent: 

Steps to determine limiting reagent: 

30.0 g of N2 is reacted with 20.0 H2 to produce NH3 

2N2 + 3H2 →2NH3 

Step 1: Determine the number of moles of each reagent. 

30.0 𝑔 𝑁2 ×
1 𝑚𝑜𝑙

28.0 𝑔 𝑁2
= 1.07 𝑚𝑜𝑙 

20.0 𝑔 𝐻2 ×
1 𝑚𝑜𝑙

2.02 𝑔 𝑁2
= 9.90 𝑚𝑜𝑙 

Step 2: Divide the number of moles of each reagent by its coefficient 

in the balanced equation 

N2mole ratio =
1.07

2
= 0.535 

O2mole ratio =
9.90

3
= 3.30 

Step 3: Compare the mole ratio of each reagent. The smallest mole 

ratio is the limiting reagent. 
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N2 mole ration of 0.535 is smaller than the O2 mole ratio of 3.30, 

therefore N2 is the limiting reagent. 

Theoretical Yield 

The theoretical yield of a chemical reaction represents the maximum 

quantity of moles of a product that can be obtained in a chemical reaction. 

To calculate theoretical yield, the stoichiometry of the chemical equation is 

used. 

To determine the theoretical yield of a reaction it is important to first collect 

the known data and quantities of the experimental data. The information 

needed is the amount of the limiting reactant used. Stoichiometry will then 

be used to convert the amount of reactant used into the mass of product that 

should be produced. 

The guide below can be used to complete the conversion. Note that the units 

of the limiting reactant will determine which step of the conversion to begin. 

 

 

The above steps can be calculated using the conversion factors listed below. 

Such as, if the volume of the reactant (A) is known, the reactant’s density is 

used to convert the volume of reactant (A) to the mass of the reactant (B).  

 

Volume of Reactant→ Mass of Reactant→Moles of Reactant →Moles of Product→Mass of Product  

   A                B           C           D                 E 

A →        B                →      C            →       D  →  E  

Density of Reactant Molar Mass of Reactant  Balanced Equation Molar Mass of Product 
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Example: 

When magnesium metal (Mg) reacts with oxygen gas (O2), magnesium 

oxide (MgO) is the product. To determine the theoretical yield of 

magnesium oxide when 3.52 grams of magnesium is reacted with an excess 

amount of oxygen the following step can be done. 

Step 1 (Balance the chemical reaction) 

2Mg + O2 → 2MgO 

The balance reaction states that for every 2 moles of Mg reacting with 1 

mole of O, 2 moles of MgO is formed. Since the example has oxygen in 

excess, the Mg metal will be the limiting reagent. Next, a series of 

calculations will be used to convert the mass of Mg used to the mass of 

product that should be theoretically yielded. 

Step 2 (Convert mass of limiting reagent to moles) 

3.52𝑔 𝑀𝑔 (
1𝑚𝑜𝑙 𝑀𝑔

24.3𝑔 𝑀𝑔
) = 0.145 𝑚𝑜𝑙 𝑀𝑔  

The conversion of the used mass of Mg is converted to the number of moles 

of Mg using the molar mass of 24.3g/mol of Mg.  

Step 3 (Convert moles of Mg to moles MgO) 

0.145 𝑚𝑜𝑙𝑀𝑔 (
2𝑚𝑜𝑙 𝑀𝑔𝑂

2𝑚𝑜𝑙 𝑀𝑔
) =  0.145 𝑚𝑜𝑙 𝑀𝑔𝑂 

The Balanced equation shows that for every 2 moles of Mg, 2 moles of MgO 

is formed. Simplifying this, it can be said that they have a 1:1 mole ratio. 

Therefore, as seen in the example, the amount of moles of product produced 

will be equal to the amount of moles of reactant used in respect to Mg.  
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Step 4 (Convert moles MgO to mass of MgO) 

0.145 𝑚𝑜𝑙 𝑀𝑔𝑂 (
40.3𝑔 𝑀𝑔𝑂

1𝑚𝑜𝑙 𝑀𝑔𝑂
) = 5.84𝑔 𝑀𝑔𝑂  

This final step uses the molar mass of 40.3 g/mol of MgO to convert the 

moles of MgO to the mass of MgO, which is the Theoretical yield in grams. 

The theoretical yield of 5.84g MgO will later be used to determine the 

percent yield. 

Experimental Yield 

The experimental yield, also known as the actual yield or reaction yield, 

refers to the quantity of moles of product obtained in a chemical reaction. 

Calculating theoretical yield is done experimentally by weighing the final 

product obtained after a chemical reaction on a balance scale to determine its 

mass in grams (g). 

Due to factors such as experimental error, chemical reactions not reaching 

completion, and spills, the experimental yield is typically less than the 

theoretical yield. To minimize the amount of experimental error, perform the 

experiment carefully to prevent spills and check that all lab equipment is 

properly cleaned out to ensure there are no residual substances left behind 

that may affect the results. If the product is in liquid or wet, filter out the 

excess liquid from the solids then place the solids in an evaporating dish or 

watch glass to allow the water to evaporate completely before weighing it. 

Percent Yield 

Percent yield represents the percent ratio of the experimental yield to the 

theoretical yield. The formula to calculate percent yield is 
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% 𝑌𝑖𝑒𝑙𝑑 =
𝐴𝑐𝑡𝑢𝑎𝑙 𝑌𝑖𝑒𝑙𝑑

𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑌𝑖𝑒𝑙𝑑
 𝑥 100% 

Example: 

As mentioned before, when magnesium metal (Mg) reacts with oxygen gas 

(O2), magnesium oxide (MgO) is the product. Continuing the same example, 

the percent yield can be determine considering that 4.85 g of magnesium 

oxide was produced when 3.52 grams of magnesium reacted with an excess 

amount of oxygen. The measured 4.85g would be the actual yield and the 

previously calculated theoretical yield of 5.84g will be used to calculate the 

percent yield.  

% 𝑌𝑖𝑒𝑙𝑑 =
4.85𝑔

5.84 𝑔
 𝑥 100% = 83.0% 

Procedures 

 

Part A: Preparation of Reagents (MgSO4 Solution) 

MgSO4 Solution 

1. Measure 12 g Epsom salt (MgSO4) using weigh boat. Record exact mass in 

results. 

2. Add about 50 mL of H2O to 100 mL volumetric flask. 

3. Add measured Epsom (MgSO4) salt to volumetric flask. 

4. Add water to reach 100 mL on volumetric flask. 

5. Pipette last few drops so volume does not exceed 100 mL mark. 

Caution: Wear departmentally approved safely goggles while doing this 

experiment. ALWAYS USE caution in the laboratory. Many chemicals are 

potentially harmful. Prevent contact with your eyes, skin, and clothing. Avoid 

Ingesting any of the reagents. 
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6. Mix until fully dissolved. 

7. Pour solution into 500-mL beaker. 

8. Clean volumetric flask, weigh boat and stirring rod with soap and water. 

Rinse well. 

Part B: Preparing Magnesium Hydroxide 

1. Obtain 100 mL of 3.0 M NaOH from instructor and place in 250- mL 

beaker. Be careful while handling, NaOH can cause burns and irritate the 

skin.  

2. Record descriptions of both reactants. 

3. Pour the 3.0 M solution of NaOH into the beaker containing the solution of 

MgSO4. 

4. Record description of reaction mixture. 

5. Set up vacuum filtration apparatus used in previous experiment “Lab 4” 

6. Be sure to weight filter paper and record mass in results. 

7. Move filter paper and product onto a weighted watch glass. 

8. After precipitate has dried, record the mass of the precipitate and filter 

paper. 

9. Using data determine the experimental theoretical yield and calculate 

percent yield. 
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Results 

Remember to show all calculations in your lab notebook. 

  

 DETERMINATIONS 

1 

DETERMINATIONS 

2 

DETERMINATIONS 

3 

Mass of MgSO4, g    

Moles of MgSO4    

Volume of 3.0M NOH    

Moles of NaOH    

    

Description of MgSO4    

 

Description of NaOH    

 

    

Mass of filter paper    

Mass of watch glass    

    

Mass of product + 

filter paper + 

watch glass 

   

    

Mass of product 

(Actual yield) 

   

Theoretical yield    

Percent Yield    
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Lab 8: Molecular Modeling 

Purpose of the Experiment 

Determine and observe the shape and angle of molecules using the VSEPR model. 

Background Required   

Students should understand the structure of an atom and how bonds are formed to 

create molecules. Students should have a basic understanding of molecular 

geometry.  

Background Information 

The purpose of this lab is to determine and observe the shape and bond angle of 

molecules, using the Valence‐Shell Electron‐Pair Repulsion (VSEPR) model. The 

VSEPR model was developed in the 1950s and 1960s by British chemists Ron J. 

Gillespie and Ron S. Nyholm. The model is used to predict the molecular 

geometry—or geometric shape—of a molecule, based on the number of electron 

pairs that surround its central atom. The geometric shapes are predicted under the 

assumption that electron pairs surrounding the central atom will repel each other 

and, therefore, organize themselves as far apart as possible to achieve a state of 

minimal electron repulsion. 

There are many different types of molecular geometric shapes. The seven main 

geometric shapes are linear, trigonal planar, bent, trigonal pyramidal, 

tetrahedral, trigonal bipyramidal, and octahedral. Each shape has a set number 

of bonded atoms and, occasionally, lone (unshared) electron pairs surrounding the 

central atom. The geometric shapes also have varying bond angles and steric 

numbers, which is the sum of bonded atoms, lone pairs, and/or groups surrounding 

the central atom. 
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A molecule with a linear geometric shape is beryllium hydride (BeH2). The central 

atom, beryllium, has two hydrogen atoms bonded to it and no lone pairs of 

electrons. Therefore, the shape is linear with a steric number of 2. 

A molecule with a trigonal planar geometric shape is boron hydride (BH3). The 

central atom, boron, has three hydrogen atoms bonded to it and no lone pairs of 

electrons. Therefore, the shape is trigonal planar with a steric number of 3. 

A molecule with a bent geometric shape is water (H2O). The central atom, oxygen, 

has two hydrogen atoms bonded to it and two lone pairs of electrons. Because the 

electronic repulsion exerted by lone pairs is more powerful than the electronic 

repulsion from bonded pairs, the two lone pairs push the two bonded hydrogen 

atoms closer together and create a bent shape. The steric number for this molecule 

is 4. 

A molecule with a trigonal pyramidal geometric shape is ammonia (NH3). The 

central atom, nitrogen, has three hydrogen atoms bonded to it and one lone pair of 

electrons. Because of the more powerful electronic repulsion exerted by the lone 

pair, the three bonded hydrogen atoms are pushed closer together, which creates a 

trigonal pyramidal shape. The steric number for this molecule is 4. 

A molecule with a tetrahedral geometric shape is methane (CH4). The central atom, 

carbon, has four hydrogen atoms attached to it and no lone pairs of electrons. 

Therefore, the shape is tetrahedral with a steric number of 4. 

A molecule with a trigonal bipyramidal geometric shape is phosphorus 

pentachloride (PCl5). The central atom, phosphorus, has 5 chlorine atoms bonded 

to it and no lone pairs of electrons. Therefore, the shape is trigonal bipyramidal 

with a steric number of 5. 
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A molecule with an octahedral geometric shape is sulfur hexafluoride (SF6). The 

central atom, sulfur, has six fluoride atoms bonded with it and no lone pairs of 

electrons. Therefore, the shape is octahedral with a steric number of 6. 

Procedures 

 

1. Using marshmallows and toothpick(s) make a model of a two-atom 

molecule. Describe the shape on results sheet table. Take a picture of your 

molecule. 

2. Using marshmallows and toothpick(s) make a model of a linear molecule 

that consists of 3 atoms 

a. First, take a large marshmallow and attach two toothpicks, one 

toothpick on each side of the marshmallow as to represent the central 

atom. Make sure that the toothpicks are on opposite ends of the 

marshmallow.  

b. Next take two mini marshmallows and attach them to the ends of the 

two toothpicks. 

c. Describe the shape on results sheet table. 

d. Now determine the angle of the bond from one mini marshmallow to 

the large marshmallow to the other mini marshmallow using a 

protractor. Record the angle of the bond on results sheet table. 

3. Using marshmallows and toothpicks make molecular model shapes that are 

listed in table 4.1 by the following. 

Caution: Wear departmentally approved safely goggles while doing this experiment. 

ALWAYS USE caution in the laboratory. Many chemicals are potentially harmful. 

Prevent contact with your eyes, skin, and clothing. Avoid Ingesting any of the 

reagents. Please REMEMBER NO EATING or DRINKING in the LAB 
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a. Obtain a large marshmallow which will be the central atom. 

b. Place toothpicks, as far apart from each other as possible, into large 

marshmallow for every region of electron density. (Use table 4.1 

found below) 

c. Next attach a mini marshmallow to create each bond on the molecule. 

Each bond will require one mini marshmallow.  

d. Remove the toothpicks with no attached mini marshmallow.  

e. Describe and record the shape on results sheet table. 

f. Using the protractor, determine the bond angle from one of the mini 

marshmallows to the large marshmallow to another mini 

marshmallow and record the bond angle in the results sheet table. 

 

  

Caution: Wash your hands thoroughly with soap or detergent before 

leaving the laboratory. 
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Table 4.1 

Number of 

bonding regions 

on central Atom 

Unshared 

Electron pairs on 

central atom 

 

Regions of 

electron density 

Molecular 

Geometry 

2 0 2 Linear 

3 0 3 Trigonal Planar 

2 2 4 Bent 

3 1 4 
Trigonal 

pyramidal 

4 0 4 Tetrahedral 

5 0 5 
Trigonal 

bipyramidal 

6 0 6 Octahedral 
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Results 

Remember to show all calculations in your lab notebook. 

Molecular Shape Observations Observed 

Angle 

Expected 

Angle 

Linear (2 atoms)  

 

  

Linear (3 atoms)  

 

  

Trigonal Planar  

 

  

Bent  

 

  

Trigonal Pyramidal  

 

  

Tetrahedral  

 

  

Trigonal 

Bipyramidal 

 

 

  

Octahedral  
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Lab 9: Calorimeter Time-Temperature Study 

Purpose of the Experiment 

Determine the heat of solution of Calcium Chloride using a calorimeter. 

Additional heat of neutralization of Hydrochloric acid and sodium hydroxide 

procedures are also included. 

Background Required 

Students should know how to read a thermometer and plot points on a graph. 

Students should understand how to do a time-temperature study. 

Background Information 

In this lab, you will determine the heat involved in a chemical system. Delta H 

(ΔH) refers to the amount of heat that is transferred with one mole of a substance. 

Delta H (ΔH) of Acid-Base reaction is specifically referred to as the heat of 

neutralization. This is the heat transferred when one mole of an acid reacts with 

one mole of a base. The change in enthalpy as a result of a solute being dissolved 

in a solution is referred to heat of solution. This is the heat transferred when one 

mole of solute is dissolved in solvent forming a solution. In this lab, students will 

be forming an aqueous solution of calcium chloride. An aqueous solution is when 

water is the solvent.   

While the delta H (ΔH) cannot be measured, it is possible to calculate it using 

experimental data. Delta H usually is written in KJ/mol, where kilojoules is the 

heat transferred, Q. To calculate the heat transferred using experimental data, a 

time-temperature graph will need to be plotted to determine the change in 

temperature (ΔT).  
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This is determined by plotting the observed time-temperature data and drawing a 

vertical line at the time of mixing. Next, draw a best fit line from right to left—

intersecting the line of mixing. This determines the Final Temperature. The initial 

temperature is the average (line between) of the two individual solutions or the 

initial temperature of the solvent. 

ΔT = TemperatureFinal – TemperatureInitial 

To calculate the ΔH of a system using the change in temperature, the following 

equation is used: 

ΔH =
Q

n
=

𝑚𝑎𝑠𝑠 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 ·  𝑠𝑝𝑒𝑐𝑖𝑓𝑖𝑐 ℎ𝑒𝑎𝑡 𝑜𝑓 𝑠𝑜𝑙𝑣𝑒𝑛𝑡 ·  ΔT

𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 𝑜𝑟 𝑎𝑐𝑖𝑑 𝑟𝑒𝑎𝑐𝑡𝑖𝑛𝑔
 

Students will use the change in temperature ΔT, mass of solution, the specific heat, 

and the concentration of the solution to calculate the change in enthalpy ΔH.  

Specific heat is the amount of heat (energy) needed to raise 1 gram of a substance 

1 degree.  
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Procedures 

 

Note:  

• Use specific heat of water (4.184) for calculations.  

• Mass of water in g is equal to mL (Density of water is 1g/mL) 

• Measure Volume as accurate as possible. 

• Grease thermometer and use cloth to prevent injury when inserting 

thermometer into rubber stopper. Lab Instructor will offer additional training 

on proper technique. 

 

Specific Heats of Some Materials at 

25 °C Atmospheric Pressure 

(J/g·°C) 

H2O (liquid) 4.184 

H2O (solid) 2.090 

H2O (gas) 2.010 

Ethanol (liquid) 2.400 

Air (Dry) 1.01 

Al (Solid) .900 

Fe (Solid) .448 

Cu (Solid) .387 

Pb (Solid) .128 

Caution: Wear departmentally approved safely goggles while doing this experiment. ALWAYS USE 

caution in the laboratory. Many chemicals are potentially harmful. Prevent contact with your eyes, skin, 

and clothing. Avoid Ingesting any of the reagents. 
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Part A: Heat of Solution 

1. Weigh out about 4g CaCl2 in weigh boat. Record exact 

mass on Data Sheet. 

2. Use 50 mL graduated cylinder to acquire 35mL distilled 

water. Record exact volume on Data Sheet. 

3. Set up shown apparatus in figure 5.1 

4. Pour water into double stacked Styrofoam cups. 

5. Use thermometer and record initial temp of water in 

calorimeter for 5 minutes in 30 second increments. 

Note: Do not let thermometers touch the sides of the containers. 

6. Quickly transfer CaCl2 to calorimeter (Styrofoam cup). 

7. Record the temperature change over 15-20 minutes in 20s intervals while 

stirring until dissolved. 

8. Complete calculations 

9. Determine the ∆HSoln, KJ/mole 

 

Part B: Heat of Neutralization 

 

1. Obtain two clean Styrofoam cups 

2. Label two 100-mL graduated cylinders one “Acid” and the other “Base”  

3. Set up shown apparatus in figure 5.1 

4. Using the “Acid” labeled graduated cylinder measure and place 50 mL of 

2M HCl into doubled Styrofoam cup. 

Caution: 2M HCl and 2M NaOH are corrosive, toxic solutions. They can cause burns 

and/or skin irritation. Prevent solutions from contacting skin, eyes, or clothing. Do not 

inhale. If solution comes in contact with skin wash immediately with clear water and 

follow instructions of instructor. Please report all incidents including spills to instructor 

and follow protocol for all chemical spills of acid or base. 

Figure 5.1: Calorimeter 

Apparatus 
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5. Using the “Base” labeled graduated cylinder measures and place 51 mL of 

2M NaOH into a labeled 100-mL beaker 

6. Use two thermometers alternately record the temp of the reactants 5 minutes 

in 30 second intervals. 

Note: Do not let thermometers touch the sides of the containers. 

7. At 330 sec (5.5 min) quickly pour the 2M NaOH into the double stacked 

Styrofoam cups containing the 2M HCl. 

8. Stir at a constant rate while measuring and recording the time-temperature 

data for the reaction mixture at one-minute intervals until you reach 20 

minutes. 

9. If time permits, complete a second determination. Use a clean Styrofoam 

cup and be sure to use proper graduated cylinder for reagents. 

 

Calculations 

Part A: 

(Eq. 5-1) Mass of water = Volume of water (mL) x Density of water (g/mL) 

Density of water = 1 g/mL 

(Eq. 5-2) Mass of solution = Mass of water + Mass of CaCl2 

(Eq. 5-3) ∆ Temperature = Final Temperature – Initial Temperature  

(Use Graph to determine Initial and Final Temperature) 

(Eq. 5-4) Q in joules = mass of solution x specific heat x ∆ Temperature 

Caution: Wash your hands thoroughly with soap or detergent before 

leaving the laboratory. 
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Since we have an aqueous solution, we will use the specific heat of liquid water = 

4.184 J/g ● degree 

(Eq. 5-5) Moles of CaCl2 = Mass of CaCl2 / Molecular Weight of CaCl2 

(Eq. 5-6) Heat of Solution = Q, J / moles of CaCl2 

Part B: 

Note: Average Initial Temperature of Reactants is determined using graph 

 

(Eq. 5-3a) ∆ T = Final Temperature – Average Initial Temperature of Reactants 

(Use Graph to determine Initial and Final Temperature) 

Note: Molarity = moles/L 

(Eq. 5-7) Moles of reactant = (Vol. of reactant, L) x (Molarity of reactant, mol/L) 

(Eq. 5-8) Volume of mixture= Volume of HCl + Volume of NaOH 

Density of solution = 1.04 g/mL 

(Eq. 5-9) Q in joules = (vol. of mixture, mL)(density, g/mL) x specific heat x ∆ T 

Since we have an aqueous solution, we will use the specific heat of liquid water = 

4.184 J/g ● degree 

(Eq. 5-10) Moles of HCl reacting = (Volume of HCl, L) x (Molarity of HCl, mol/L) 

(Eq. 5-11) Heat of Neutralization = Q, J / moles of HCl  
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Results 

Remember to show all calculations in your lab notebook. 

 

Part A: Determining the Heat of Solution (∆H) 

 

 

  

Determination  1 2 

Volume of water, mL   

(Eq. 5-1) Mass of water, g   

Mass of CaCl2, g   

Molecular weight of CaCl2   

(Eq. 5-2) Mass of solution, g   

Initial temperature of water, ◦C   

Final temperature of water, ◦C   

(Eq. 5-3) ∆ Temperature   

   

(Eq. 5-4) Q, J   

(Eq. 5-5) Moles of CaCl2   

   

(Eq. 5-6) ∆HSoln, KJ/mole   

   

Based on observations, is the process 

exothermic or endothermic? 
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Time (s)/ Temp (◦C) Table (Determination 1) 

Time 

(s) 

Temp 

(◦C) 

 Time 

(s) 

Temp 

(◦C) 

 Time 

(s) 

Temp 

(◦C) 

 Temp 

(◦C) 

Time 

(s) 

30           

60           

90           

120           

150           

180           

210           

240           

270           

300           

Mixed           

 

Time (s)/ Temp (◦C) Table (Determination 2) 

Time 

(s) 

Temp 

(◦C) 

 Time 

(s) 

Temp 

(◦C) 

 Time 

(s) 

Temp 

(◦C) 

 Temp 

(◦C) 

Time 

(s) 

30           

60           

90           

120           

150           

180           

210           

240           

270           

300           

Mixed           
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Time (s)/ Temp (◦C) Graph 

Determination 1 
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Time (s)/ Temp (◦C) Graph 

Determination 2 
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Part B: Determining the Heat of Neutralization (∆H) 

 

 

 

  

Determination  1 2 

Volume of HCl, mL   

Molarity of HCl, M   

(Eq. 5-7) Number of moles of HCl   

Volume of NaOH, mL   

Molarity of NaOH, M   

(Eq. 5-7) Number of moles of NaOH   

(Eq. 5-8) Volume of mixture, mL   

Initial temperature of acid, ◦C   

Initial temperature of base, ◦C   

Average temperature of reactants, 

Tinitial, ◦C 

  

Final temperature of mixture, Tfinal, ◦C   

(Eq. 5-3a) ∆ Temperature, ◦C   

   

(Eq. 5-9) Q, J   

(Eq. 5-10) Moles of HCl reacting   

   

(Eq. 5-11) ∆HNeutzn, KJ/mole   

   

Based on observations, is the process 

exothermic or endothermic? 
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Time (s)/ Temp (◦C) Table (Determination 1) 

Time 

(s) 

Temp 

(◦C) 

 Time 

(s) 

Temp 

(◦C) 

 Time 

(s) 

Temp 

(◦C) 

 Temp 

(◦C) 

Time 

(s) 

30           

60           

90           

120           

150           

180           

210           

240           

270           

300           

Mixed           

 

Time (s)/ Temp (◦C) Table (Determination 2) 

Time 

(s) 

Temp 

(◦C) 

 Time 

(s) 

Temp 

(◦C) 

 Time 

(s) 

Temp 

(◦C) 

 Temp 

(◦C) 

Time 

(s) 

30           

60           

90           

120           

150           

180           

210           

240           

270           

300           

Mixed           
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Time (s)/ Temp (◦C) Graph 

Determination 1 

 

  

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

                                      

T
em

p
er

a
tu

re
, 
C

° 

Time, s 



110 | P a g e  

Time (s)/ Temp (◦C) Graph 

Determination 2 
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Lab 10: Evaluating the Ideal Gas Law Constant 

Purpose of the Experiment 

Calculate the universal gas law constant, R, experimentally, using the volume of a 

known mass of a gas at a measured temperature and pressure. 

Background Information 

Gas laws show the relationship between the pressure, temperature, volume, and 

moles of a gas. These laws allow the behavior of a gas to be studied. They also 

allow the missing value of a gas property to be determined if all other values are 

known. 

The four fundamental gas laws are Boyle’s Law, Charles’ Law, Gay-Lussac’s 

Law, and Avogadro’s Law: 

Boyle’s Law 

Formulated by chemist Robert Boyle in 1662, Boyle’s Law explains the 

relationship between the pressure and volume of a gas at constant temperature and 

mass. The law states that, at constant temperature and mass, the pressure of a gas is 

inversely related to its volume. Therefore, decreasing the volume of a gas will 

increase its pressure and vice versa. The formulas for Boyle’s Law are P ∝
1

V
 or PV 

= k, where P is pressure, V is volume, and k is a constant. If the initial volume and 

pressure of a gas is depicted as P1 and V1, and the final volume and pressure of a 

gas is depicted as P2 and V2, then, according to Boyle’s law, P1V1 = P2V2 = k. This 

can be simplified to P1V1 = P2V2. 
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Charles’ Law 

Charles’ Law was first published in 1802 by chemist Joseph Gay-Lussac, who 

credited the discovery of the law to the unpublished work of chemist Jacques 

Charles (written in the 1780s), the man who the law was named after. The law 

explains the relationship between the temperature and volume of a gas at constant 

pressure and mass. It states that, at constant pressure and mass, the volume of a gas 

is directly proportional to its temperature in Kelvin. Therefore, increasing the 

volume of a gas will also increase its temperature and vice versa. The formulas for 

Charles’ law can be written as 
V

T
=  k, V1T2 = V2T1, or 

V1

T1
=

V2

T2
, where T is 

temperature (K), V is volume, and k is a constant. 

Gay-Lussac’s Law 

Discovered by Joseph Gay-Lussac in 1802, Gay-Lussac’s Law explains the 

relationship between pressure and temperature of a gas at constant volume and 

mass. The law states that, at a constant volume and mass, the pressure of a gas is 

directly proportional to its temperature in Kelvin. Therefore, increasing the 

pressure of a gas will also increase its temperature and vice versa. The formulas for 

Gay-Lussac’s Law can be written as 
P

T
=  k, P1T2 = P2T1, or 

P1

T1
=

P2

T2
, where P is 

pressure, T is temperature (K), and k is a constant. 

Avogadro’s Law 

Avogadro’s Law was first formulated by Amedeo Avogadro in 1811. However, the 

idea didn’t become generally accepted in chemistry until the 1850s when a chemist 

named Stanislao Cannizzaro revisited the law to construct a new system of 

chemistry. The law explains the relationship between the volume and number of 

moles of a gas at constant pressure and temperature. It states that, at constant 
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pressure and temperature, the volume of a gas is directly proportional to the 

number of moles of the gas. Therefore, increasing the moles of a gas (the amount 

of gas molecules) will also increase its volume and vice versa. The formula for 

Avogadro’s Law is V ∝ n, where V is volume and n is moles. 

In addition to the four fundamental gas laws, there are two other important gas 

laws, called the Combined Gas Law and the Ideal Gas law: 

Combined Gas Law 

The Combined Gas Law combines the relationships explained in Boyle’s, Charles’, 

and Gay-Lussac’s law into a single equation. The formula for the Combined Gas 

Law can be written as 
PV

T
=  k, V1P1T2 = V2P2T1, or 

P1V1

T1
 =

P2V2

T2
, where P is 

pressure, V is volume, T is temperature (K), and k is a constant. 

Ideal Gas Law 

The Ideal Gas Law combines the relationships explained in Boyle’s, Charles’, and 

Avogadro’s law into a single equation. The formula for the Ideal Gas Law can be 

written as V =  R (
nT

P
) or PV = nRT, where P is pressure, V is volume, T is 

temperature (K), n is moles, and R is the Universal or Ideal Gas Constant. 

The Ideal Gas Constant, R, represents a numerical value used to quantify the 

relationship between the pressure, volume, temperature, and moles of a gas under 

theoretically ideal conditions. The value of R can be calculated by determining the 

values of all other variables and substituting their values into the Ideal Gas law 

equation. The units for the R constant vary, except for temperature, which must 

always be in Kelvin. 
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Procedures 

1. Acquire rubber stopper and place on syringe; ensure 

syringe reads zero. 

2. Take picture of syringe position. 

3. Record initial syringe position in mL. 

4. Place 10mL vinegar in bottom of test tube with 

pipette, making sure not to touch sides of test tube. 

5. Acquire 0.5 g baking soda; record exact mass used on 

data sheet. 

6. Tilt test tube sideways and place 0.5 grams baking 

soda about 2 cm from top of test tube (right below 

rim); ensure baking soda does not make contact vinegar. 

7. Keeping test tube sideways, close test tube with rubber stopper, creating a 

tight seal; ensure syringe reads zero. 

8. Quickly invert test tube, allowing reaction to take place. 

9. Allow syringe to sit for 10 minutes before taking results. 

10. Take picture of final syringe position.  

11. Record volume of gas in syringe in mL 

12. Repeat for two determinations, making sure to clean test tube between 

determinations. 

13. Record results and dispose of product. 

14. Complete Data Sheet. 

Caution: Wear departmentally approved safely goggles while doing this experiment. 

ALWAYS USE caution in the laboratory. Many chemicals are potentially harmful. Prevent 

contact with your eyes, skin, and clothing. Avoid Ingesting any of the reagents. 

Caution: Wash your hands thoroughly with soap or detergent before 

leaving the laboratory. 

Figure 6.1: Ideal gas 

law Apparatus 
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Results/ Calculations 

Remember to show all calculations in your lab notebook. 

 Determination 1 Determination 2 

Mass NaHCO3   

Number of moles NaHCO3  

(MW = 84.01 g/mol) 

  

Volume of Vinegar   

Number of moles of Acetic Acid 

Note: 

 5% Acetic acid is 0.833M Acetic Acid. 

Equation: 

(8.33 x 10-4 moles/mL) (volume of vinegar, 

mL) = Number of moles of Acetic Acid 

  

Number of moles of CO2 Gas 

Note: 

Number of moles of acetic acid should be in 

excess (higher) compared to number of 

moles of NaHCO3.  

Therefore, based on the balanced equation. 

 

 the number of moles of CO2 gas should be 

equal to the number of moles of NaHCO3 

  

   

Initial syringe volume, mL   

Final syringe volume, mL   
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Temperature of room, °C   

Temperature of room, K   

   

Barometric pressure, torr (search online 

based on location) 

Note: 

Be sure to use torr as unit of measurement. 

You may have to do some converting of 

units 

  

Vapor pressure of water, torr (Use table 6.1 

below) 

  

Corrected pressure, atm 

Equation: 

[(Recorded barometric Pressure, torr) – 

(Vapor pressure of water, torr)] / (760 

torr/atm)  

  

   

R, mL · atm/K · mol   

Average R, mL · atm/K · mol  
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Table 6.1 

 

 

 

 

 

 

  

 

 


