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Periodic Table of the Elements 
 

 
 

 
Image from: LeVanHan (https://commons.wikimedia.org/wiki/File:Periodic-table.jpg)  
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Some Useful Information and Chemical Trivia 

Selected Metric Prefixes 
 
 

The prefix centi means one hundredth of what follows. One centimeter is one 
hundredth of a meter.  1 cm = 0.01 m and therefor 100 cm = 1 m 

 
Prefix Meaning Conversions  
Milli one thousandth 1 mL = 0.001 L 100 ml = 1 L 
Micro one millionth 1 μsec = 1 x 10−6sec 1,000,000 μsec = 1 sec 
Nano one billionth 1 nm = 1 x 10−9 m 1 x 109 nm = 1 m 
Kilo one thousand 1 Kcal = 1000 cal 0.001 Kcal = 1 cal 
Mega one million 1Mwatt = 1 x 106 watt 1 x 10−6 Mwatt = 1 watt 
(Note, not all of the units above are metric units. The prefixes convey the same 
meaning regardless of the base unit.) 

 
 

Comparison of Some Common Items 

A 1 liter bottle contains 33.81 oz (1 oz = 29.57 mL) 
1 gallon of gasoline contains 3.785 L (1 L = 0.2642 gal = 1.057 qt) 
1 pound of apples is 453.6 g (2.205 lb = 1 kg) 
1 meter is 3.281 ft = 39.37 in (2.54 cm = 1 in) 

 
 

Chemical Trivia 

Atoms are extremely tiny. In one gram of table salt there are 
10000000000000000000000 (1x1022) atoms of sodium and the same number of 
chlorine atoms. That’s tiny. (Actually the sodium and chlorine are present as ions. 
You’ll learn about ions and how they differ from atoms this semester. 

 
The most abundant element in the universe is hydrogen. Seventy-four percent of all 
elemental mass in the universe is hydrogen. Helium is nearly 25 % of the elemental 
mass. The least common naturally occurring element on earth is astatine. At any 
given moment there is approximately 25 g of At present on earth. This means that 
At is only 4 x 10−27 of the earth’s mass. 
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“Best Practice” with 
Electronic Balances 

1. Zero the balance before starting, re-zero with the 
weighing paper or dish and then do your 
measurement. 

2. Never weigh directly on the balance pan. Always 
use a weight paper or weighing dish. 

3. Close the doors before taking a reading. 
4. Clean up any spills and re-zero after removing the 

paper/dish.  Get help with spills if needed. 
5. Close the balance doors before you go. 

 

“Best Practice” with Hoods 
 
1. Always keep sash/doors closed as far as possible. 

This means completely closed whenever you walk 
away. 

2. Keep sash/doors closed as far as possible as you 
work in the hood. Whenever possible you should be 
looking through the sash not under the sash. 

3. Clean the interior after use leaving the hood better 
than you found it. 

4. Close the sash/doors completely before you walk 
away



v  



vi  



1  

 

Safety in Chemistry Lab 
 
Introduction 
Happiness is a state to which we all aspire. For most of us happiness means we are 
safe and secure.  While feeling good is our goal, we recognize that there will be 
times when things go wrong. None of us want a broken heart but we accept that possibility 
when we enter into a relationship with another human being. 

Every activity has the potential of benefit and harm. We engage in activities when we feel the 
potential benefit out weights the potential harm. To make wise life choices we need to correctly 
gauge the two potentials. How likely is it that a bad outcome will result? How much will it hurt 
if it does? When something bad happens to us as we are pursuing a worthy goal we say an 
accident has happened.  Avoiding accidents means we gain the benefit of the activity and 
sidestep the harm. 

There is a great deal to be gained by the laboratory study of chemistry. You can see chemical 
reactions take place, measure the energy of the reactions, separate an element from its 
compounds, determine the composition of air and more. The goal is to have concepts come alive 
that otherwise would be just words on a page. 

Accidents in the laboratory will destroy all the fun. Even minor accidents will interrupt what 
you are doing and put an end to the learning environment for you and those around you. Safety 
then is the key to reaping the greatest benefit for our laboratory work. 

Hazards associated with an activity are the things which do in fact cause harm. When a hazard 
causes harm we say that an accident has occurred. The hazard of skydiving is that the parachute 
may not open. Hazards are real but the accident doesn’t always happen.  There is some 
probability of the event.  In skydiving the probability that the chute will not open is low so 
people do in fact jump out of perfectly good airplanes. Low probability of an accident makes it 
more likely that we will engage in activities containing hazards.  The amount of harm depends 
on the size of the hazard. Potential harm is proportional to the hazard and the probability that the 
hazard will be encountered. 

We speak of risky and safe behaviors. Risks are not the same thing as the hazards of an activity. 
Risk depends on the probability that an accident occurs and the consequences of that result (how 
great is the hazard). The consequence of the parachute not opening is huge (great hazard) but the 
probability is very low.  Otherwise no one would be willing to skydive. 
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To be happy most of us strive to be safe. Removing all hazards is impossible. What we do to be 
safe is minimize the risk.  In our skydiving analogy there is only so much we can do to reduce 
the probability of chute failure. It only happens once in a million jumps but you never know if 
this is the jump when it does happen. The risk is reduced farther by lessening the hazard. A 
safety chute is always worn. The safety is not as big. You do hit the ground harder. You might 
break a leg but you are not dead.  An accident has occurred but the consequences are less. 

Driving is an example of how we reduce the risk. Our actions reduce both the probability of an 
accident and the consequences. How so?  Probability is reduced when we drive completely 
sober, obey the traffic laws, practice good defensive driving skills and properly maintain our 
vehicle. Consequences are lessened by driving slower, using the seat belts and driving a vehicle 
with a better crash rating. 

Improvements in safety come by reducing risk. This can be done by reducing the hazard or the 
probability of having an accident or both. 

 

Safety in San Jacinto College Chemistry Laboratories 

 
Safety in our laboratories is addressed by minimizing risks. Every hazard cannot be eliminated. 
Every accident has a consequence. None the less, risks are controlled by reducing the frequency 
of accidents and the harm that results. 

Hazards are reduced to the greatest extent possible by; 
 

• providing information on the hazards encountered in the laboratory 
• providing training in safe laboratory behavior 
• providing training in the proper use of laboratory equipment 
• providing a clean, uncluttered and properly maintained laboratory 
• proving only laboratory equipment that is in safe working order 
• using chemicals with lowest hazards suitable to our experiments 
• minimizing the amount of chemicals used in our experiments 

Consequences are reduced by: 

• using appropriate safety equipment 
• following all laboratory safety rules 
• using chemical hoods with hazardous volatile chemicals 
• immediately using eyewash or safety shower should chemical exposure occur 
• notifying instructor at once in the event of an accident 
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Safety is a shared responsibility. Everyone involved in this endeavor has a role to play. Safety 
cannot be achieved without the constant, active participation of everyone from the college 
administration to the instructor to the student. Review of the ways risks are reduced shows that 
while responsibilities of some actions fall more on certain individuals than others, everyone must 
do their part. 

As a student your responsibilities are to; 
 

• know and consistently obey all laboratory safety rules 
• recognize the hazards associated with laboratory chemicals and safe procedures for 

handling them 
• know how to use laboratory equipment properly and to do only that 
• understand directions before proceeding with experimental activities 
• ask for clarification when you are uncertain 
• follow directions exactly especially in regards to quantities of chemicals to be used 
• read labels twice to be certain you have the correct chemical of the correct concentration 

 

Safety Rules and Expectations for San Jacinto College South 
Chemistry Laboratories 

 
Safety Rules 

1. Approved Eye Protection is worn at ALL times in the laboratory 
2. Closed toe shoes are required for the laboratory 
3. No eating or drinking in the laboratory 
4. Wear clothing appropriate for the lab. Your instructor will provide 

guidelines. 

Expectations for Laboratory Behavior 

1. No horseplay 
2. Read all directions before preforming experiments 
3. When in doubt ask for clarification 
4. Group size does not exceed limit announced by instructor 
5. Wastes are disposed of properly 
6. Spills are cleaned up 
7. Wastes are disposed of in designated containers 
8. Chemicals are safely handled (correct quantities and concentrations are 

used excess is disposed of properly not returned to original container) 
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Laboratory Activities 

Safety Video 

In class: watch the video Beginning with Safety.  
 
On the Report Sheet make notes on the common hazards found in a chemical 
laboratory, safety equipment worn in the laboratory, the proper procedures for 
handling hazardous chemicals, proper use of laboratory equipment and clothing that 
helps prevent exposure to chemicals.  Answer the questions found on the Report 
Sheet. 

 
Safety scavenger hunt 
Locate the following safety equipment and other features of this laboratory. 
Indicate the location of each on the laboratory floor plan found in the Report Sheet. 

Locate these items on the floor plan of the laboratory 
A. Fire Extinguisher 
B. Safety Shower 
C. Eyewash 
D. First Aid Kit 
E. Fume Hood 
F. Exits to Hallway (Indicate Both) 

G. Doorway to storage (NOT an Exit) 
H. Inorganic Liquid Wastes 
I. Inorganic Solid Wastes 
J. Organic Liquid Wastes 
K. Broken Glassware 
L. MSDS Books 

 
 

Be sure you know how to use the eyewash. Demonstrate this to your instructor and 
get her initials on the Report Sheet. 
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Name    
Complete the Safety Quiz given by the instructor. 

 

REPORT SHEET Safety in Chemistry Lab 
Safety Video 

Section    

 
 

 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

What accident is most likely to happen to you? 
 
 
 
 

What will you do to reduce the probability of this accident? 
 
 
 
 

What will you do to reduce the consequences of this accident? 
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Name    

Safety Scavenger Hunt 

This is lab 332 

Are you working in Lab 332? If 
so locate the following on the lab 
floor plan. 

A. Fire Extinguisher 
B. Safety Shower 
C. Eyewash 
D. First Aid Kit 
E. Fume Hoods 
F. Exits to the Hallway 
G. Doorway to storage (not 

an exit) 
H. Inorganic Liquid Wastes 
I. Organic Liquid Wastes 
J. Broken Glassware 
K. MSDS Books 

Demonstrate to your instructor 
that you know the proper use of 
the eyewash and have him 
initial here.    

Section    
 
 
 
 
 
 
 
 
 
 
 
 
 

 
 
 

 
 
 

  

Demonstrate to your instructor 
that you know the proper use of 
the eyewash and have her initial 
here.    



7  

Name    

Safety Scavenger Hunt 

This is lab 336 

Are you working in Lab 336? Is so 
locate the following on the lab floor 
plan. 

A. Fire Extinguisher 
B. Safety Shower 
C. Eyewash 
D. First Aid Kit 
E. Fume Hoods 
F. Exits to the Hallway 
G. Doorway to storage (not an 

exit) 
H. Inorganic Liquid Wastes 
I. Organic Liquid Wastes 
J. Broken Glassware 
K. MSDS Books 

Demonstrate to your instructor 
that you know the proper use of 
the eyewash and have her initial 
here.    

Section    
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Some Chemistry Trivia 
 
On April 17, 1787 “Methode de Nomenclature Chimique” was presented to the 

Paris Academy on this day in 1787 
This book presented a logical system for naming chemical substances. Proposed 

names were based on the origin or function of each element, and led to an 
international consensus for naming chemicals. 
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Measurement and Significant Figures 
 

Introduction 

Measurements 
All laboratory work begins and ends with safety.  We cannot forget that. 

Modern chemistry came about when Antoine Lavoisier (1743 to 1794) began making 
careful measurements of the masses of reacting substances and the products that 
resulted.  Chemistry is a qualitative science.  It is based on measurements.  For 
that reason, measurements are the subject of this laboratory. 

Everyone has made measurements. We know how to use rulers and scales.  Still it 
is worth the time to think more carefully about what we actually do when we make 
and record a measurement. To do well in a laboratory situation we must apply a 
more sophisticated understanding of measurement than we might do ordinarily. 

Measurements consist of two parts, a numerical part, how much do we have, and a 
unit (sometimes called a dimension), what do we have. There are exceptions, but 
seldom is a number written in the lab without a unit. Make it a habit to always 
include the unit with each number you use. 

No measurement is perfect. The size of the imperfection depends on several factors. 
The skill of the person doing the measurement and the care taken in doing the 
measurement are two factors.  The instrument itself limits how close one can come 
to a perfect measurement. By doing repeated measurements one can estimate the 
precision of the instrument and the operator.  Precise measurements are those 
which give consistently close results such as 22.03 g, 21.99 g and 22.00 g for the 
mass of an aluminum cylinder.  Accurate results are those which are close to the 
true value. If the mass of the aluminum cylinder was actually 24.5 g the 
measurements were precise but not especially accurate. Precise and accurate 
measurements require instruments that are correctly calibrated and working 
properly. In addition, the person doing the measurement must know how to use the 
instrument and follow the measuring procedure carefully. 
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The instrument used to make a measurement limits how close we can come to the 
true value because we can get no closer than what the “scale” allows. Here are 
pictures of two rulers that illustrate what I mean. 

 

Both rules show that the nail is between 4 and 5 cm long. With Ruler B the best we 
can say is 4.3 cm. On Ruler A, the nail appears to be longer than 4.3 cm and shorter 
than 4.4 cm.  With Ruler A I get 4.38 cm. 

With ruler B I am certain the nail is 4 cm long. I estimated 0.3 to get 4.3 cm. With 
A I’m certain of 4.3 and the 8 is estimated. You can estimate one digit between the 
scale markings. In measurements all the figures recorded are significant, the 
certain plus the estimated.  Ruler B provides two significant figures, Ruler A three. 

When it appears that the item being measured falls on a scale division use a 0 in 
the next decimal place to indicate that fact. IF the mail above fall right on the 4 cm 
scale making you would record 4.0 cm with rule B, 4.00 cm with ruler A. There are 
still two significant figures with B and three significant figures with A even when 
the item measured seems to fall on a scale division. 
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Most of the time, you can divide the distance between the marks into tenths. This 
allows you to estimate to the next decimal place or to the nearest 0.1 cm in Ruler B 
and nearest 0.01 cm in Ruler A. Sometimes the distance between marks is such 
that division to tenths is difficult. You can then divide by fifths (nearest 0.2) or 
halves (0.5 units). 

Follow the same procedure regardless of the measuring instrument. 

4.0 cm 

3.00 cm 
6.60 cm 

cm 

cm 
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On the mark so 6.80 mL 

 
 
 
 
 
 
 
 
 

About four tenths of the way 
between marks so 4.48 mL 

The subdivisions on this 
graduated cylinder are 
0.2 mL. Dividing the 
distance between marks 
into tenths means 0.02 
mL increments can be 
estimated 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
The electronic balances used in San Jacinto chemistry labs have a digital display 
instead of a scale to read. The second decimal place, 0.01 gram, is uncertain. If the 
scale reads 55.26 g you know that the mass is closer to 55.26 g than 55.25 g or 55.27 
g but you don’t know that it is exactly 55.26 g. This mass measurement has four 
significant figures, three certain and one estimated by the balance. 

Summary 

• No measurement is exact 
• Based on the instrument “scale” we know some digits of the measurement for 

certain 
• One more digit can be estimated 
• All certain digits plus the digit estimated are significant figures 

The Metric System of Measurement 
The Metric System or the modified International System of Units (SI) is used in 
most countries of the world. Scientific work including chemistry uses the metric 
system everywhere including the United States. The Metric system is used in all 
San Jacinto College science courses. 
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Units within the Metric System are related by factors of 10 making unit conversion 
simple once you learn the meanings of the metric prefixes. The three most common 
prefixes and their meanings are milli, one thousandth, centi, one hundredth, and 
kilo, one thousand. 

 
 
Table One. Metric Prefixes Most often encountered in CHEM 1405 

 
Prefix Meaning Decimal Equivalent Symbol 
Milli One thousanth 0.001 (10−3) M 
Centi One hundredth 0.01 (10−2) C 
Kilo One thousand 1000 (103) K 

Also encountered    
Deci One tenth 0.1 (10−1) D 

Micro One millionth 0.000001 (10−6) Μ 
Nano One billionth 0.000000001 (10−9) N 
Hecto One hundred 100 (102) H 
Mega One million 1000000 (106) M 
Giga One billion 1000000000 (109) G 

 
The standard units for length, mass and volume are meter, gram and liter. The 
average heights of men and women in the US are 1.76 m and 1.62 m.  The meter is 
a convenient unit for height. The gram is not a convenient unit for people in the US 
as the averages are 86270 g for men and 74050 g for women. We would use 
kilograms (kg) instead. Liters are convenient for drinks where we often encounter 
half liter or liter bottles. 

In the laboratory the most commonly used units are centimeter (cm), gram and 
milliliter (mL). A nonstandard unit of volume is cubic centimeter, cc or cm3. This 
unit is the result of calculating volume from linear measurements. A cube 10 cm on 
a side has a volume of 1 L.  The calculated volume is 1000 cm3.  Since 1 L is the 
same as 1000 mL, 1000 mL = 1000 cm3 so 1 cm3 equals 1 mL. 
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Table Two. Common Objects and Metric Units 
 

Common Object Metric Size 
Width of Your Little Finger 1 centimeter 

Dollar Bill 1 gram 
A paper clip 1 gram 
A Quarter 1 milliliter (actually 0.81 mL) 

 
Table Three. Useful Equalities 

 
1 cm Equals 0.01 m 

100 cm Equals 1 m 
2.54 cm Equals 1 inch – exactly 

1 m Equals 39.37 in – rounded 
1 kg Equals 1000 g 

0.001 kg Equals 1 g 
1 kg Equals 2.20 pounds – rounded 

0.45359237 kg Equals 1 pound 
453.6 g Equals 1 pound – rounded 
1 mL Equals 0.001 L 

1000 mL Equals 1 L 
1 mL Equals 1 cm3 

1 gal Equals 3.78541178 L 
0.264 gal Equals 1 L – rounded 

 
Calculations with Measurements 
Answers obtained from calculations using measurements can be no more significant 
than the original measurements. If measurements are added or subtracted the 
answer should have no more decimal places than the measurement with the fewest 
decimal places. When multiplying or dividing measurements the answer can have 
no more significant figures than there are in the least significant measurement. 

The rule for significant figures in sums and differences doesn’t really come up very 
often. Seldom will you have measurements to add or subtract with different 
numbers of decimal places unless you changed measuring device while collecting 
the measurements. This is an issue when data collected by different groups is 
combined or when conditions require the use of different instruments for one reason 
or another. 

Measurements are very often multiplied and divided. For example, suppose you 
drove from Houston to San Antonio, distance of 320.7 km in 3.3 hrs.  You find the 
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average speed by dividing 320.7 km by 3.3 hrs. The problem is that your calculator 
doesn’t take the units so all you can do is plug the numbers and out comes the 
answer 97.18181818. The unit for speed is of course km/hr.  You know the 
97.181818 must be rounded off somewhere but where. Significant figures in the 
measurements provide the answer. 320.7 km has four significant figures, 3.3 hrs 
has two. The answer can have no more significant figures than the least significant 
measurement used so the average speed is 97 km/hr. 

Occasionally the calculator gives too few digits. Density is a property of matter 
which tells how tightly matter is stuffed together. Density is defined as mass per 
unit volume so like speed two measurements are used to determine density. A solid 
object was found to have a mass of 25.6 g and a volume of 3.20 mL. Again we plug 
numbers into the calculator again and out pops the answer 8. Here the unit is g/mL 
but you will be incorrect if you said the density was 8 g/mL. Why?  Significant 
figures again.  The mass, 25.6 g, and the volume, 3.20 mL each have three 
significant figures.  The density should have three as well, so 8.00 g/mL is the 
correct answer. 

 
Laboratory Activities 

Measuring Length 
Use the Report Sheet to record answers to questions and results of the 
measurements taken. 

Obtain a metric ruler from the equipment cart. It should be familiar to you. There 
are numbered heavy lines and smaller subdivisions. 

1. What is the unit between the marked lines? 
2. What is the size of the subdivisions? 
3. Measure the length of this line (tip of arrow to tip of arrow) and record on the 

Report Sheet. 

 
4. Use a meter stick to measure the distance from the floor to bench top where 

you work.  Record the answer on the Report Sheet 
5. Measure the dimensions of the figure (top of next page) and record on the 

Report Sheet. What is the area of the figure? (Rectangle A = L x W. 
Triangle A = 0.5 B x H).  Take care with the derived unit for area. 
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6. Obtain a wooden solid from the equipment card. Measure the dimensions, 
length, width and height if a block, diameter and length if a cylinder. Record 
the solid number and its dimensions on the Report Sheet. Calculate and 
record the volume.  Block V = L x W x H Cylinder V = π x r2 x L Take care 
with the derived unit for volume. 

Measuring Mass 
A Mettler MS603S top loading electronic balance is used in CHEM 1305 lab. This 
balance has a capacity to measure up to 620 g. This balance measures the mass to 
the nearest 0.001 g (1 mg). The balance can be re-zeroed (tared) before you do your 
mass measurement.  Never place anything directly on the balance pan.  Always use 
a weighing paper, weighing boat or other container to hold what you are measuring. 
Re-zero (tare) the balance with the paper, boat or container to measure only the 
weight of the desired substance. 

1. Measure the mass of 1 paper clip and record on the Report Sheet. 
2. Measure the combined mass of 10 paper clips and record on the Report Sheet. 
3. Measure the mass of a 100 mL beaker and record on the Report Sheet 
4. Measure the mass of the wooden solid used above and record on the Report 

Sheet 

Measuring Volume 
Volumes are measured in a number of ways. The volume of a regular solid can be 
calculated from its linear dimensions as we have done in the Measuring Length 
section. The derived unit is cm3. As was noted above 1 cm3 equals 1 mL.  Volumes 
of liquids are measured with graduated cylinders, burets or pipets. We’ll use only 
graduated cylinders today. 

There are two things you must know in order to properly use a graduated cylinder. 
These are how to read a meniscus and reading the liquid height at eye level. 
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In the cylinder, water and other liquids that wet the glass walls form a curved 
surface with the level at the walls higher than the level at the center. This curved 
surface is the meniscus. To correctly read the volume the bottom of the meniscus is 
matched to the scale.  This point is best seen at eye level. 

 

 

1. Place between 5 and 9 g of water in a beaker. Record the mass on the Report 
Sheet. Transfer the water to a 10 mL graduated cylinder and record the 
volume on the Report Sheet. 

2. Place between 50 and 90 g of water in a beaker. Record the mass on the 
Report Sheet. Transfer the water to a 100 mL graduated cylinder and record 
the volume on the Report Sheet. 

3. Observe the scale on a 1000 mL graduated cylinder. What are the major 
scale divisions?  What are the subdivisions?  Record both on the Report 
Sheet. How many significant figures can be measured with the 1000 mL 
graduated cylinder observed?  Record your answer on the Report Sheet. 

 
 
 
 
 
 
 
 

The volume in this 
cylinder is 66.2 mL 

This is what goes wrong if 
your eyes are not level with 
the meniscus 
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There is a single light of science, and to brighten it anywhere 

is to brighten it everywhere. 
Isaac Asimov 

http://www.brainyquote.com/quotes/quotes/i/isaacasimo101762.html
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Name Section    
 

Report Sheet - Measurement and Significant Figures 

Measuring Length 
1. What is the unit between the marked lines on the metric ruler? 

 
 

2. What is the size of the subdivisions on the ruler? 
 
 

3. Measure the length of this line (tip of arrow to tip of arrow) and record. 
 

 

Length    

Fill in the blank.  The measured length contains significant figures. 

4. Use a meter stick to measure the distance from the floor to bench top where 
you work.  Record the answer. Distance    

5. Measure the dimensions of this figure and record. What is the area of the 
figure?  (Rectangle A = L x W.  Triangle A = 0.5 B x H) 

Length    Width    Area    
 

 
 
 
 

Fill in the blank.  The calculated area contains significant figures. 
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6. Obtain a solid noting its number from the equipment card and measure the 
dimensions; length, width and height if a block, diameter and length if a 
cylinder. Record the solid number and its dimensions. Calculate and record 
the volume. 

Solid Number    

Dimensions 

Shape of Solid    

 
 

Calculated Volume     

Fill in the blank.  The calculated volume contains significant figures. 

Measuring Mass 
1. Measure the mass of 1 paper clip. Mass    

Fill in the blank.  The measured mass contains significant figures. 

2. Measure the combined mass of 10 paper clips. Mass    
 
Fill in the blank.  The measured mass contains significant figures. 

 
3. Measure the mass of a 100 mL beaker. 

Fill in the blank.  The measured mass contains significant figures. 

4. Measure the mass of the wooden solid used above and record on the Report 
Sheet 

Fill in the blank.  The measured mass contains significant figures. 

Measuring Volume 
1. Place between 5 and 9 g of water in a beaker.  Record the mass _  . 

Transfer the water to a 10 mL graduated cylinder and record the volume. 

Volume    

Fill in the blank.  The measured volume contains significant figures. 

2. Place between 50 and 90 g of water in a beaker. Record the mass    
Transfer the water to a 100 mL graduated cylinder and record the volume. 
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Volume Fill in the blank.  The measured volume contains    
significant figures. 

3. Observe the scale on a 1000 mL graduated cylinder. What are the major 
scale divisions? 

 
 

What are the subdivisions? 
 
 

How many significant figures can be measured with the 1000 mL graduated 
cylinder observed? 
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Chemistry – The Central Science that is 
essential to a modern understanding of biology, 
physics, geology and the environment. 
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Density and Specific Gravity 
 

Introduction 
Equal masses of different materials occupy different volumes. This is not a 
surprise. 

1 g Au 0.051 cm3 1 g Fe 0.127 cm3 1 g Mg 0.575 cm3    

Very often we express this fact incorrectly by saying that lead is heavier than 
feathers. This is incorrect because a pound of feathers is just as heavy as a pound of 
lead.  The difference, of course, is that the pound of feathers occupies a much 
greater volume than does the pound of lead (in fact over 4500 times the volume). 

What we mean when we say lead is heavier than feathers is that when equal 
volumes of lead and feathers are compared the lead weighs more. The lead in a 
given volume is more massive than feathers in an equal volume. The ratio of mass 
to volume is density. The unit for density is grams per mL, g/mL, or very often g 
per cubic centimeter, g/cm3 or g/cc.  Since 1 mL = 1 cm3 these units are equivalent. 

1 cm3 of Au 19.3 g   1 cm3 Fe 7.87 g 1 cm3 Mg  1.74g 
The densities are therefore Au 19.3 g/ cm3, Fe 7.87 g/ cm3 and Mg 1.74 g/ cm3. 

Measuring the density of an object requires two separate measurements; the mass 
and the volume. The ratio is determined by dividing the mass by the volume. The 
numbers go into the calculator and out pops an answer. You must keep two things 
in mind when recording the density determined in this way. 

1. The density value recorded should have no more or less significant figures 
than the measurements of mass and volume justify. 

2. The calculator does not provide the unit. You must append the correct unit to 
the number answer obtained from the calculator. 

In the last lab you learned to measure mass with an electronic balance. In this lab 
you will do the same as you gather the data needed to determine density. Today we 
will determine volume in two ways.  We’ll take the linear measurements of regular 
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solids to calculate volume. We’ll find the volume of irregularly shaped objects by 
measuring the volume of water displaced when the object sinks. 

Specific gravity is useful in place of density in applications as diverse as 
estimating the value of a gem, the suitability of eggs for market and the best 
application of petroleum distillates. Specific gravity is the ratio of a material’s 
density to the density of water. Specific gravity is unusual because it has no unit. 
The unit g/cm3 canceled when the ratio was taken. Since the density of water is 1 
g/cm3 the specific gravity of a material is the same size as the density. 

Objects sink in water when their specific gravity is greater than 1. When specific 
gravity is less than 1 the object will float. A measuring device called a hydrometer 
is used to directly measure specific gravity of liquids. Hydrometers are weighted 
glass tubes which float in the liquid being measured. A long calibrated stem atop 
the tube is used to read the specific gravity. The larger the specific gravity the 
higher in the liquid the hydrometer floats. 

The hydrometer is read as shown in the 
figure. 

Hydrometers are used to find the alcohol 
content of beer, wine and whiskey, the acid 
content in car battery fluid, the amount of 
antifreeze in the radiator and the 
electrolyte level in urine. 

 
 
 
 
 
 
 

Laboratory Activities 

Density and Specific Gravity of a regular solid 
Obtain one of the wooden solids from the equipment cart and record its 
identification number on the Report Sheet. Record the dimensions and calculate 
the volume. The measurements should be to the nearest 0.01 cm. The calculated 
volume should contain the appropriate number of significant figures. Measure the 
mass of the wood.  Use a weighing paper when doing the mass determination. 
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Calculate the density and specific gravity recording both with the correct number of 
significant figures on the Record Sheet.  Return the solid to the cart. 

Density and Specific Gravity of an irregular solid 
Obtain a rock or a large steel nut from the equipment cart.  Also get an overflow 
can. Place the can on the bench top and fill until water flows out of the side-arm 
tube. Be ready to catch the water with a beaker to avoid a mess. Estimate the 
volume of your solid and get a suitable graduated cylinder ready to collect the water 
which will overflow when the solid is added to the can. Place a weighing paper on 
the balance pan and measure the mass of the solid.  Add the solid to the overflow 
can without splashing while catching the water in the graduate cylinder. The 
volume of the water displaced is the volume of the solid. This is the procedure first 
used by Archimedes many years ago. Calculate the density and specific gravity 
recording both with the correct number of significant figures on the Record Sheet. 
Return the solid to the cart. 

Specific Gravity and Density of a salt solution 
From the equipment cart get 50 mL of one of the salt solutions in a 50 mL 
graduated cylinder.  Record the identification number of the solution used.  Obtain 
a hydrometer. Inspect the scale on the stem. Record the scale information – upper 
and lower values of scale, major and minor scale subdivisions and the number of 
significant figures obtainable from the scale – on the Report Sheet. Place the 
hydrometer in the salt solution and determine the Specific Gravity. The salt 
solution can be disposed of down the drain. Rinse the hydrometer and return to the 
cart. 
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The densest known element is iridium, 22.650 g/cc. Gold is 19.282 g/cc, mercury is 
13.5336 g/cc, lead is only 11.343 g/cc.  Radon is the densest gaseous element, 
0.00973 g/cc at 1 atmosphere pressure and 0 °C (108 times the density of hydrogen). 

 
 
The least dense element is hydrogen, 0.00008988 g/cc at 1 atmosphere pressure and 
0 °C. Helium is next, 0.0001875 g/cc at the same P and T.  Lithium is the least 
dense solid element, 0.534 g/cc (0.002358 times the density of iridium. 



27  

Name    Section     
 
 

Report Sheet – Density and Specific Gravity 
 

Density and Specific Gravity of a Regular Solid 
 
 

Solid Used    

Dimensions 

 
 
 

Calculated Volume 

Number    

 
 
 
 
 
 
 
 
 

 

 

Mass  

Density Calculation 

 
 
 
 

Density  

Specific Gravity     

Density and Specific Gravity of an Irregular Solid 
 

Solid Used Number    

Mass     

Volume by Water Displacement    
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Density Calculation 
 
 
 
 
 
Density  

Specific Gravity     

Specific Gravity and density of a Salt Solution 
 

Salt Solution Used Number    

Hydrometer Scale Information 

Upper scale value     

Lower scale value      

Major scale division     

Minor scale division    

How many significant figures can be read on this scale?      

Specific Gravity of the salt solution     

Density of the solution    
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Energy and Specific Heat 
 

Introduction 
Energy, the ability to do work, is today’s subject. In the laboratory we will 
convert chemical energy into heat and light then transfer energy from hotter to 
colder objects. Converting energy from one form to another and then transferring 
the energy from place to place can well be a definition of life itself. These activities 
are certainly the hallmark of modern civilization. 

All forms of energy can be classified as either kinetic or potential. When an object 
is in motion, a planet, a freight train or an atom, it possesses kinetic energy. 
Objects possess potential energy due to their position, think of a large amount of 
snow high on a mountain just before an avalanche, or configuration, think of a 
tightly coiled spring or the fat your body accumulated over Thanksgiving week. 

In the metric system energy is measured in joules, named for James Prescott Joule 
a nineteenth century English physicist. The joule is a derived unit equal to a 
Newton meter (the force of one Newton applied through one meter). A joule is not 
really very much energy. A joule is the potential energy of a small apple (say 0.225 
pounds) one meter above the ground, the kinetic energy of a tennis ball traveling 14 
mph, and the amount of heat your body gives off in 1/60 second. Another often used 
energy unit is the calorie. The calorie is defined as the amount of energy required 
to increase the temperature of one gram of water one degree Celsius. The calorie is 
bigger than a joule but not by much. One calorie equals 4.18 joule. Food energy 
value is measured in Calories (note the Capital C). One Calorie equals 1000 
calories so a Calorie is actually a kilocalorie. 

The temperature of an object is indicative of the motion of the molecules and atoms 
present.  Heat is energy that flows from a warmer to a cooler object.  Temperature 
is not a measurement of energy because adding equal amounts of energy to different 
substances will cause different amounts of temperature increase. The amount of 
energy required to change the temperature of one gram of substance by one degree 
Celsius is the specific heat of that substance. The specific heat of water and a few 
elements are tabulated below.  A glance shows that specific heat varies widely. 
Specific heat is an intrinsic property which can be used to identify a substance as 
we will do in the experimental work today. 
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Specific Heat of Selected Substances 
 

Substance Specific Heat 
 Cal/g °C J/g °C 

Hydrogen 3.42 14.3 
Water 1.00 4.18 

Expanded polystyrene 
cup 

0.31 1.3 

Air 0.242 1.012 
Laboratory Glass 0.223 0.932 

Aluminum 0.22 0.92 
Oxygen 0.220 0.919 

Iron 0.11 0.46 
Copper 0.093 0.39 
Lead 0.031 0.13 
Gold 0.03089 0.1291 

Magnesium 0.02443 0.1021 
 
Knowing the specific heat allows you to calculate the heat absorbed or released by a 
substance. 

Heat  = mass (g)  x temperature change (° C) x Sp. Heat (cal/g ·° C) 

For example if you used a gas flame to warm water then the heat gained by the 
water is equal to the mass of water heated times the temperature change of the 
water (provided the water does not start to boil) times 1.00 cal/g ° C. You will use 
this same equation when you use a hot piece of metal to warm the water. The 
Greek letter Δ (delta) is commonly used to indicate a change so the equation above 
can be written Heat = m x ΔT x Sp Heat. 

Keep in mind that when heat flows from a warmer to a cooler body the amount of 
heat lost and gained are equal. Thus when you add the hot metal to cooler water 
the heat gain you calculate for the water is equal to the heat loss of the metal. 

Heat Gained by Water  =  Heat Lost by Metal 

mwater x ΔTwater x 1.00 cal/g·° C  =  mmetal x ΔTmetal x Sp. Heatmetal 

Experimentally you determine the mass of metal and its temperature change along 
with the mass of water and its temperature change.  The specific heat of the metal 
is then calculated. 
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Laboratory Activities 

Use of Bunsen Burner 
Two heat sources are used in our laboratory depending on the experimental needs. 
One is an electrical hotplate. The other is the Bunsen burner. The Bunsen burner 
is fueled by natural gas which is primarily methane CH4. 

The combustion of methane with oxygen makes carbon dioxide and water. 

CH4  +  2 O2 CO2  +  2 H2O 

Two adjustments are made to the Bunsen burner to 
obtain the optimum flame. You can adjust the amounts 
of methane and oxygen admitted. The needle valve is 
opened to allow the methane gas to enter by turning the 
wheel at the bottom. The air ports at the bottom of the 
barrel let air in mix with the methane they travel to the 
top. The entire barrel turns to open and close the air 
ports. 

The burner is connected to the gas jet with a rubber 
hose. Inspect the hose for any cracks or brittleness 
before making the connection. See your instructor for a 
replacement hose if any problems are found.  Close the 

needle valve completely. The valve is closed when the wheel is as close to the barrel 
as possible. Open the needle valve by turning the wheel ½ to 1 turn. Open the air 
ports slightly.  You are now ready to light the burner. 

The burner is ignited with a striker. The striker 
consists of a carbon rod inside of a metal cup. Gas 
collects inside the cup when the striker cup is held 

above the burner. When the handle is squeezed a spark is produced which ignites 
the gas and the burner is now lit. 

Hold the striker above the burner and open the gas outlet on the bench top. Turn 
the valve handle until it points to the hose. Squeeze the striker handle to ignite the 
gas. If the gas does not light open the needle valve another half turn on the burner 
and try again. If you have trouble lighting the flame, close the outlet on the bench 
top and ask the instructor for assistance. Once you have a flame, open the air ports 
so that the flame is blue not yellow.  Adjust the amount of gas with the needle valve 
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so that the flame is 6 to 8 cm high. Readjust the air if necessary to maintain the 
blue color.  Take care not to turn the barrel so far that it detaches from the base. 

When properly adjusted you should be able to see the 
inner and outer cones shown in the figure.  

The hottest spot in the flame is at the tip of the inner 
cone. 

Have each partner light and adjust the flame. 

On the Report Sheet answer the questions concerning 
the Bunsen burner. 

 
 
 
 
 

Specific Heat of a Metal 
In this experiment heat is transferred from a hot piece of metal to water. 
Measurements are made of the masses the starting and ending temperatures of 
both the metal and the water. 

Obtain a ring stand, two large metal rings, a wire screen and a 400 ml beaker. 
Place one ring on the stand about 6 cm about a Bunsen burner. Set the wire screen 
on this ring. Put the second ring on the ring stand about 6 cm above the first. Fill 
the beaker about two-thirds full of tap water and place on the wire screen. The 
higher ring should surround the beaker to keep it from tipping over. Light the 
burner and heat the water in the beaker. 

Obtain one of the metal objects from the equipment cart. Record its identifying 
number on the Record Sheet. Determine the mass of the metal and record this as 
well (don’t forget the unit). 

Tie a string to the metal and put the metal into the water heating on the ring stand. 
The string should be placed outside of the beaker but do not let in dangle into 
the burner flame. Keep your eye on this. Bring the water to a boil.  The metal 
must be in boiling water for at least 10 minutes to be sure it has reached the same 
temperature as the water. Measure the temperature of the water and metal. The 
temperature should be between 96 and 101 °C. If not see your professor for advice 
on how to proceed.  The lab thermometers have a scale marked at each degree. 
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That means that you can estimate to 0.1°. Record the temperature to the nearest 
0.1° on the Record Sheet. 

Obtain a polystyrene cup and record its mass. Add about 50 ml of tap water to the 
cup and determine the combined mass of cup and water. There must be enough 
water to cover the metal object later. Find the mass of water added by the 
difference in mass of the cup and cup with water. Record all of this on the Record 
Sheet. 

Obtain a thermometer and measure the temperature of the water in the cup. 

Heat the metal in boiling water for at least 10 minutes. Measure and record the 
boiling water temperature then quickly transfer the metal to the polystyrene cup 
using the string to hold the hot metal.  Stir gently with the thermometer taking 
care not to strike the metal. Watch the temperature and record on the Record Sheet 
the highest temperature reached to the nearest 0.1°.  This is the final temperature 
of both the water and the metal. 

Determine ΔT for the metal. This is the recorded temperature of the boiling water 
minus the final temperature in the cup.  Determine ΔT of the water.  This is the 
final temperature in the cup minus the initial temperature of the water in the cup. 

Calculate the heat gained by the water on the Report Sheet. Calculate the heat lost 
by the metal on the Report Sheet. Find the specific heat of the metal. Use the 
calculated specific heat and the table of specific heats to identify the metal, 

Caloric Value of Food 
The caloric value of food may be done as a demonstration. A nut will be burned and 
the heat given off transferred to water.  The mass and temperature change is used 
to determine the heat energy released as the nut burned. Mass of nut burned and 
energy released is used to calculate the Calories per gram. Generally the result is 
less than that given on the label. You will be asked to explain the lower value 
determined in this laboratory compared to that found at the company lab. 
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Name Section    
 
 
 

Report Sheet – Energy and Specific Heat 

The Bunsen Burner 
Light the Bunsen burner with the striker. Manipulate the air ports and needle 
value to see how the flame changes. 

What color is the flame with the air ports closed? 
 
 
 
 

How is the height of the flame controlled? 
 
 
 
 
 

Adjust the flame to blue with an inner and outer cone. Use the wire provided on the 
equipment cart to probe the flame.  Can you tell what spot is the hottest by how 
long it takes the wire to glow red hot at different locations? 

 
 

Does your probing agree that the hottest spot in the flame is the tip of the inner 
cone? 

 
 
 
 

Specific Heat of a Metal 
Identifying Number of metal object.      

Mass of Metal     

Mass of polystyrene cup    

Mass of cup with water     
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Mass of water in the cup (difference in the preceding two measurements)    

Temperatures 

Metal 

Initial temperature of Metal (the boiling water temperature)    

Final (temperature of water in the cup)    

ΔT    

Heat exchanged 

Heat gained by water  =  mwater x ΔTwater x 1.00 cal/g ·° C 
 
 
Heat gained by water = x x 1.00 cal/g ·° C (don’t forget 
the units) 

 
 
Heat gained by water = (don’t forget the unit) 

Heat Lost by Metal  =  Heat Gained by Water 

 
Heat Lost by Metal =     

 
 
 

Heat Lost by Metal  =  mmetal x ΔTmetal x Sp. Heatmetal 
 
 
 

    = x x  Sp. Heatmetal 
 
 
 

Solve the above for the Sp. Heat of the metal     
units) 

(don’t forget the 

 

Use the table above to identify the metal.  The metal could well be    
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Caloric Value of Food 
Type of nut used?     

Calories per gram per package label     

Initial Mass of nut     

Residue after burning    

Amount of nut burned (use this value in determining Calories per g)    

Mass of water heated    

Initial Temperature of water      

Final Temperature of water      

Heat gained by water     

Heat from burning nut     

Calories per gram     

Difference between lab value and label     

Percent difference (difference ÷ label x 100%)     

What explanation can you propose for the difference between the lab measurement 
and the label caloric value of the nut? 
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Electrons in Atoms 
 

Introduction 
Chemistry of the elements depends on how electrons are arranged in the atoms. An 
understanding of this arrangement, called electron configuration, is built upon a 
large body of experimental evidence. The colors different elements impart to a 
Bunsen burner flame is part of the evidence that must be explained. 

Where are the electrons? They surround the nucleus. While 99.9% and more of the 
mass of an atom is in the nucleus, 99.9 % and more of the volume is the cloud, cloud 
because the electrons are in constant motion, of electrons. The electrons are located 
only in specific energy levels similar to shelves on a book shelve or rungs on a 
ladder. The difference is that the electron energy levels become closer together as 
they get farther from the nucleus. Electrons are never found between energy levels 
just as a book is never between shelves or a house painter is never between rungs 
on the ladder.  The electron energy levels are designated by the value of the 
principle quantum number.  A lower case n is used to indicate the principle 
quantum number. If you held one of the 118 known elements in your hand the 
electrons would be in principle quantum levels 1 to 7 depending on the number of 
electrons in the element. 

The principle quantum number, n, provides information about how close the 
electron is to the nucleus. The lower the n value the closer the electron to the 
nucleus and the lower its energy. The electrons get as close to the nucleus as 
possible. Just like all the library’s books will not fit on the bottom shelve not all of 
the electrons are not found with n equal to 1. Only a limited number of electrons 
can be accommodated at each level. 

 
Quantum Level  n Number of Electrons  

1  2 
2  8 
3  18 
4  32 
5  32 * * Could be more but not 
6  18 * necessary for the 118 
7 8 * elements known today 

The energy levels 1 to 7 are called shells.  The shells are divided into subshells 
called s, p, d and f. The subshell names were derived from the behavior of electrons 
as they moved from one energy level to another.  Just as you must put energy in to 
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move a book from a lower to a higher shelve you must put energy into an atom to 
move an electron from a lower to a higher shell. When an electron drops back to a 
lower shell the energy is released in the form of light or UV radiation. You have 
seen this in a flame and in fireworks. In the flame test we will heat atoms to high 
temperature. This input of thermal energy elevates electrons to higher n levels. As 
the electrons drop back to the lower levels light of specific color is emitted.  The 
color is indicative of the energy difference between levels. 

Another name for subshell is orbital. Each orbital can accommodate 2 electrons. 
The number of different subshells depends on the shell. 

 
Shell Subshells Present  

1 s 
2 s and p 
3 s, p and d 
4 s, p, d and f 
5 s, p, d and f 
6 s, p, d and f (only s, p and d occupied in known elements) 
7 s, p, d and f (only s and p occupied in known elements) 

The principle quantum number n defines the shell and indicates the distance of the 
electron from the nucleus and the electron’s energy. The subshell tells you in what 
region of space around the nucleus the electron is likely to be found. Each subshell 
has a particular shape. The s subshell is simple. It is a sphere with the nucleus at 
the center. The p subshell has two lobes like a long thin balloon tied in the middle. 
The nucleus is located where the knot divides the balloon. There are 3 p subshells 
pointed in the x, y and z directions in space. The shapes of the d and f orbitals are 
more complicated. See figures 3.13, 3.14 and 3.15 in the text. There is a single s 
orbital in every shell, 3 p orbitals when n ≥ 2, 5 d orbitals when n ≥ 3 and 7 f 
orbitals when n ≥ 4. 

 
Orbital (Subshell) Shell Number   of orbitals Max # of electrons 

s n ≥1 1  2 
p n≥2  3  6 
d n≥3  5  10 
f n≥4  7  14 

Electron configuration is a listing of electrons in an atom by orbital. The 
electrons fill the orbitals starting at the lowest energy and going up just as you 
climb a ladder starting at the lowest rung. Atoms of different elements have 
different numbers of electrons.  In an atom the atomic number is equal to the 
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number of electrons. Orbitals are filled to the maximum number until all electrons 
for the atom are allocated a space.  This is simple enough but there is a 
complication. The energies of the orbitals overlap the shells. For example the 4s 
orbital is lower in energy that the 3d. Thus 4s gets two electrons before 3d gets any. 
You should consult the figure on page 105 of the text.  The figure below is intended 
to convey the same information in a slightly different form. 

 
 
The lowest energy level is 1s. The highest is 
7p. Follow the arrows to find where each 
orbital falls in energy level. The order you 
should find by following the arrows is; 

1s2s2p3s3p4s3d4p5s4d5p6s4f5d6p7s5f6d7p 

This order is apparent in the Periodic Table as 
well.  See the Periodic Table below. 

What are the electron configurations of oxygen 
and iodine? The atomic number of oxygen is 8 
so we must place 8 electrons into the correct 
order. The electron configuration of oxygen is 
1s22s22p4.  Iodine is atomic number 53. The 
electron configuration is 1s22s22p63s23p64s23d104p65s24d105p5. 

When the electrons are in the lowest energy orbitals the atom is said to be in the 
ground state. Electrons can be raised to higher energy orbitals by adding energy. 
This can be done with heat, light or electricity. Elevating an electron leaves an 
unoccupied orbital with lower energy. When the electron drops back down energy is 
released. 

The outermost s and p electrons are called the valence electrons. These are the 
electrons that for the most part are involved with chemical bonding. In one way of 
another the valence electrons provide the force which holds atoms together in 
molecules. All elements have between 1 and 8 valence (outermost s and p) 
electrons. 

 

5f 

4f 

7p 7s 

6d 6p 6s 

5d 5p 5s 

4d 4p 4s 

3d 3p 3s 

2p 2s 

1s 
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The electron configuration determines the chemical and physical properties of the 
elements. The orbitals repeat themselves as the shells move away from the nucleus 
with increasing principle quantum number. This repetition in electrons in orbitals 
results in what is called periodic properties.  The text gives atomic size, 
ionization energy and metallic properties as examples of periodic properties. In the 
lab we will construct a graph of atomic size versus atomic number (the number of 
electrons in an atom) to see what is meant by periodic properties 

 
Laboratory Activities 

Flame Tests 
As stated above electrons can be lifted to higher energy orbitals when atoms are 
heated. In this lab we will use a Bunsen burner to heat atoms. All of the atoms get 
hot as greater than 500 °C is achieved in the Bunsen burner flame. It is the alkali 
and alkaline earth atoms, Groups 1A and 2A, which are most interesting because 
they give off characteristic colors when the excited electrons return to the ground 
state. The colors can be used to confirm the presence of a particular element in an 
unknown.  Confirming the presence of an element is qualitative analysis. 
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Obtain the following materials from the supply cart 

• 8 cotton swabs 
• a mortar and a pestle 
• 7 small weighing boats 

Fill a small beaker with deionized water. This water is used to dampen cotton 
swabs before the flame test. Fill a large beaker with tap water. This water is used 
to quench the burning swabs after the flame test. 

Place a Bunsen burner in the hood. Light and adjust the burner to a pale blue 
flame containing an inner cone. 

Soak a cotton swab in the deionized water and place it into the hottest part of the 
flame. Because the cotton is wet it should not ignite immediately. Try to keep the 
wooden part of the swab out of the flame. The wood will ignite.  If the wood or 
cotton starts to burn dunk the swab in the large beaker of tap water. Note how the 
presence of the cotton affects the burner flame watching for any color change. 

The elements to be tested are barium, copper, calcium, potassium, sodium, and 
strontium. When heated in the flame electrons in these elements are elevated to 
higher energy levels. As they cool the electrons return to the lower levels. Visible 
light is emitted as the electrons release energy. Salts of these elements are used for 
the tests.  The other elements in the salts do not emit visible light in this test and 
do not interfere with the qualitative test for the metals of interest. 

The salts BaCl2, CuCl2, CaCl2, KCl, NaCl and Sr(NO3) will be tested. You will also 
test an unknown. Comparison of the unknown to the known allows for its 
identification. 

Obtain the salts and run the tests one at a time.  Do this for several reasons. 
Getting just one at a time relieves the crowd around the supply cart.  Having just 
one at a time prevents the possibility of losing tract of what is what. The most 
important reason is that at least one of the salts is hydroscopic. That means it pulls 
water out of the air and will quickly become very wet.  This shouldn’t really 
interfere with the test but it does tend to make a mess. Run the tests in any order 
leaving the unknown until the end. 

Obtain about 0.1 g of each sample. This is not much. Just a few crystals on the tip 
of a spatula are sufficient. Put the salt in the mortar and grind with the pestle to a 
fine powder.  Transfer the powder to a small weighing boat. 
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Soak a cotton swab in the deionized water. Touch the wet cotton to the powdered 
salt to pick up part of it. Place the wet swab with salt into the hottest part of the 
burner flame and observe the color. Wet the swab again and repeat until you are 
satisfied that you know the color imparted by the metallic element. Place the swab 
in the large beaker of tap water. Wait until the lab ends then dispose of the swabs 
in the trash.  Be sure all of the swabs are well soaked. 

Clean and dry the mortar and pestle and do another salt.  Repeat until all of the 
salts have been run and you think you can distinguish one metal from another. 
Select an unknown and record the number. Run the flame test on the unknown and 
identify the metallic element present. 

Electron Configuration 
On the Report Sheet there are twelve elements listed. Use a periodic table and find 
the atomic number of each element. How many electrons are in an atom of each 
element on the report sheet? Write the electron configuration. See the oxygen and 
iodine electron configurations above.  Additional examples are found in the text. 

For each element report the number of valence electrons as well. 
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Periodic Property Atomic Radius 
Graph the following data on the Report Sheet. Place the Atomic Number on the x- 
axis, the atomic radii on the y-axis. You will have to fit the data to the axes. Each 
line on the x-axis needs to be two atomic number units. Each line on the y-axis can 
be 10 picometers if you start at 0. Place the data points only. Do not draw a line 
connecting the points. 

The unit for atomic radii in the table is picometers.  One picometer is one trillionth 
of a meter or 4x10−10 inches. This page is 2x1010 pm wide. How many carbon atoms 
must be lined up to go across this page? 

 
 

Element 
 

Symbol 
Atomic 
Number 

Atomic 
Radii 

 
Element 

 
Symbol 

Atomic 
Number 

Atomic 
Radii 

Hydrogen H 1 53 Nickel Ni 28 149 
Helium He 2 31 Copper Cu 29 145 
Lithium Li 3 167 Zinc Zn 30 142 

Beryllium Be 4 112 Gallium Ga 31 136 
Boron Be 5 87 Germanium Ge 32 125 
Carbon C 6 67 Arsenic As 33 114 

Nitrogen N 7 56 Selenium Se 34 103 
Oxygen O 8 48 Bromine Br 35 94 
Fluorine F 9 42 Krypton Kr 36 88 

Neon Ne 10 38 Rubidium Rb 37 265 
Sodium Na 11 190 Strontium Sr 38 219 

Magnesium Mg 12 145 Yttrium Y 39 212 
Aluminum Al 13 118 Zirconium Zr 40 206 

Silicon Si 14 111 Niobium Nb 41 198 
Phosphorus P 15 98 Molybdenum Mo 42 190 

Sulfur Si 16 88 Technetium Tc 43 183 
Chlorine Cl 17 79 Ruthenium Ru 44 178 
Argon Ar 18 71 Rhodium Rh 45 173 

Potassium K 19 243 Palladium Pd 46 169 
Calcium Ca 20 194 Silver Ag 47 165 

Scandium Sc 21 184 Cadmium Cd 48 161 
Titanium Ti 22 176 Indium In 49 156 

Vanadium V 23 171 Tin Sn 50 145 
Chromium Cr 24 166 Antimony Sb 51 133 
Manganese Mn 25 161 Tellurium Te 52 123 

Iron Fe 26 156 Iodine I 53 115 
Cobalt Co 27 152 Xenon Xe 54 108 
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Name Section    
 

Report Sheet – Electrons in Atoms 

Flame Test 
BaCl2 

Color imparted to the flame by barium atoms    

Other observations with barium 

 
 
 

CaCl2 

Color imparted to the flame by calcium atoms    

Other observations with calcium 

 
 
 

CuCl2 

Color imparted to the flame by copper atoms    

Other observations with copper 

 
 
 

KCl 

Color imparted to the flame by potassium atoms    

Other observations with potassium 

 
 
 

NaCl 

Color imparted to the flame by sodium atoms    

Other observations with sodium 
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Sr(NO3)2 

Color imparted to the flame by strontium atoms    

Other observations with strontium 

 
 
 
Unknown 

Unknown Number    

Color imparted to the flame by the unknown solution    

Other observations with unknown 

 
 
 
Based on the color and other observations the unknown contains    
atoms. 

What problems did you have with the flame test? 
 
 
 
 

Electron Configuration 
Provide the electron configuration of these elements. Record the number of valence 
electrons for each element as well. 

Argon Beryllium 
Atomic Number 18 Atomic Number 4 

 
 
 
Valence electrons   Valence electrons     
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Copper Potassium 
Atomic Number 29 Atomic Number 19 

 
 
 
Valence electrons   Valence electrons     

 

Phosphorus Ruthenium 
Atomic Number 15 Atomic Number 44 

 
 
 
Valence electrons   Valence electrons     

 

Strontium Uranium 
Atomic Number 38 Atomic Number 92 

 
 
 
Valence electrons   Valence electrons     

 
 

Bromine Carbon 
Atomic Number 35 Atomic Number 6 

 
 
 
Valence electrons   Valence electrons     

 

Cerium Magnesium 
Atomic Number 58 Atomic Number 12 

 
 
 
Valence electrons   Valence electrons     
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Periodic Properties 
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Change of State 
 

Introduction 
You probably expect the temperature to change when you heat or cool a substance. 
While generally true this is not always the case. During a change of state, liquid to 
solid or liquid to gas for example, the temperature remains constant even though 
heat is being removed or added. 

Heat is a form of energy associated with the movement of atoms and molecules. 
The faster a molecule moves and the more rapidly it vibrates the greater the heat 
energy it contains. Heat and temperature are related but they are not equal. In the 
Energy and Specific Heat lab we learned that the size of a temperature change 
depends not only the heat added to a substance but the amount of substance that 
absorbs the heat AND the specific heat of the material. Also the amount of energy 
depends on the physical state of the material. Steam at 100 °C has much more 
energy than liquid water at 100 °C. You likely have a feel for this because you know 
that you have to add a lot of heat to boil a pan of water to dryness. 

Temperature is important in following the transfer of heat energy. Heat always 
flows from an object at higher temperature to an object at a lower temperature. The 
net flow of heat stops when the temperatures come together. The heat lost by the 
hotter object is equal to the heat gained by the cooler.  We used this concept before 
in the Specific Heat lab and will use it again today to determine the amount of heat 
necessary to melt a gram of ice. 

Before melting ice we will boil water and freeze moth balls. In both cases a graph of 
temperature versus time will show that during boiling and freezing the temperature 
remains constant. There are forces holding the molecules together in the liquid 
water. While boiling, the temperature remains constant as the energy brakes the 
bonds holding the water molecules together in the liquid state. As a liquid freezes 
the kinetic energy lost is converted into potential energy as forces between the 
molecules hold them in fixed positions where their motion is constrained to 
vibrations and rotations. The molecules are no longer free to move around in the 
container.  Once frozen the temperature drops as the size of the vibrations 
decreases. 
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Laboratory Activities 

Boiling Water – A Heating Curve 
Arrange a ring stand with a large ring and wire gauze high enough for heating with 
a Bunsen burner. Add about 250 mL of water to a 400 mL beaker and place on the 
ring. Position a second ring around the beaker to keep it from falling. Using a 
thermometer clamp suspend a thermometer in the water.  Record the temperature 
of the water before you start heating. Record this temperature as the 0 time 
temperature on the Report sheet. Gather a pencil and a stopwatch and be prepared 
to record the temperature every 30 seconds once you start heating. Light the 
burner, adjust the flame and position it under the beaker.  Record temperature 
every 30 seconds.  You want to have data for at least 5 minutes of a vigorous boil. 
Once you have 5 minutes of vigorous boil you can remove the heat and plot the data. 

Keep the beaker of hot water to melt the naphthalene in the next activity. 

The slope of the line as the temperature increases can be used to estimate the rate 
of heat input to the water. You added about 250 mL of water. To estimate the rate 
at which heat is added to the water you can assume there is exactly 250 g. Use the 
equation below to calculate the heat input to take the temperature from its starting 
value to your measured boiling temperature. 

Heat Gained by Water  =  mwater x ΔTwater x 1.00 cal/g ·° C 

Remember ΔT means change in temperature (T boiling – T start). The rate of heat 
addition is the number of calories divided by the number of minutes required to 
reach the boiling temperature. 

Freezing Naphthalene – A Cooling Curve 
In this activity you will again take temperature readings every 30 seconds so have 
the stopwatch ready.  There is a table in the Record Sheet for recording the data. 

Obtain a large test tube and a rubber stopper with a thermometer and a wire 
stirrer.  Place about one inch of naphthalene pellets into the test tube.  Place the 
test tube into the beaker of hot water to melt the naphthalene. The temperature of 
the hot water should be at least 90 °C.  When all of the naphthalene is liquid 
remove the tube from the hot water. Quickly stopper the tube so that the 
thermometer bulb and stirring wire are in the liquid. The thermometer will require 
a short time to come to the temperature of the liquid. Take the highest temperature 
reached as the 0 time. Start the stopwatch and record the temperature every 30 
seconds.  Use the wire to stir the liquid and the solid liquid mixture as long as you 
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can. You will reach a point where the wire will no longer move. Continue to record 
the temperature to at least 35 °C. Plot the data on the Report Sheet and record the 
Freezing point observed. Are the slopes of the lines above and below the melting 
point the same? What, if anything, are the slopes telling you about the heat 
capacity of liquid naphthalene compared to solid naphthalene? (Assume heat loss 
per minute is equal during the entire experiment.) 

After collecting the data for the cooling curve do not try to remove the thermometer 
from the solid naphthalene.  Instead, again melt the naphthalene using the beaker 
of hot water.  Reheat the water with the Bunsen burner if necessary.  Once you 
have liquid naphthalene remove the thermometer and stirring wire returning them 
to the equipment cart.  Pour the naphthalene into the waste container provided. 

Heat of Fusion of Ice 
Obtain a polystyrene cup and a cardboard lid. Record the mass of the empty cup 
(Line 1 on Report Sheet). Add warm (30 to 35 °C) water until the cup is about half 
full. Measure the combined mass and record (Line 2). Determine the mass of warm 
water by subtracting Line 1 from Line 2.  Record the amount on Line 3.  Place the 
lid with thermometer on the cup as you prepare the ice.  Blot 5 to 7 pieces of ice 
with a paper towel to remove any liquid water present. Record the temperature of 
the warm water (Line 6, warm water initial temperature) and then add the ice to 
the cup. Replace the lid and gently stir until the ice is melted. Record the lowest 
temperature seen on Line 7 (final temperature of the warm water) and on Line 11 
(final temperature of the “ice water”). Do one more measurement; determine the 
mass of the cup and contents (Line 4). This lets you find the mass of ice added by 
subtracting line 2 from line 4.  Record the mass of ice on Line 5. 

The heat lost by the warm water is found by using the equation below 

Heat Lost = mass in g (Line 3) x ΔT in °C (Line 8) x 1 cal/g ·° C (Sp Heat of water) 

Record the Heat Lost by warm water on Line 13. 

The heat gained by the ice is equal to the heat lost by the warm water. Record the 
heat gained on Line 14. The heat gained did two things. First it melted the ice, and 
then it raised the temperature of the “ice water” to the final temperature (Line 11). 
We are making an assumption that the solid ice was at 0 °C (Line 9). This is a 
reasonable assumption for ice which has been out of the freezer for some time. 
What could you do to check this assumption?  The newly formed “ice water” is at 0 
°C.  This is the known melting point of water (Line 10). 
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Mathematically these equations repeat what is written above. 

Heat Lost =Heat Gained =Heat to Melt ice + Heat to Warm “ice water” to final temp 
Record the Heat Gained on Line 14 

Heat to Warm “ice water” = mass in g (Line 5) x ΔT in °C (Line 12) x 1 cal/g° C 
Record Heat to Warm “ice water” on Line 15 

Heat to Melt Ice = Heat Gained (line 14) – Heat to Warm “ice water” (Line 15) 
Record the Heat to Melt Ice on Line 16. 

The Heat of Fusion is the heat necessary to melt 1 gram of ice. The information to 
calculate the heat of fusion of ice is the mass of ice (Line 5) and the heat to melt 
that much ice (Line 16). 

Heat of Fusion = Heat to melt ice (Line 16) ÷ Mass of ice melted (Line 5) 

Do this calculation and record your result on line 17. The accepted value for ice 
heat of fusion is 79.72 cal/g. How close did you come to the accepted value? 
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Name   Section   
 

Report Sheet – Change of State 

Heating Curve 
Data 

 
Time 
(minutes) 

Temperature 
(°C) 

 Time 
(minutes) 

Temperature 
(°C) 

 Time 
(minutes) 

Temperature 
(°C) 

0.0   10.50   20.50  

0.5   11.00   21.00  

1.0   11.50   21.50  

1.5   12.00   22.00  

2.0   12.50   22.50  

2.5   13.00   23.00  

3.0   13.50   23.50  

3.5   14.00   24.00  

4.0   14.50   24.50  

4.5   15.00   25.00  

5.0   15.50   25.50  

5.5   16.00   26.00  

6.0   16.50   26.50  

6.5   17.00   27.00  

7.0   17.50   27.50  

7.5   18.00   28.00  

8.0   18.50   28.50  

8.5   19.00   29.00  

9.0   19.50   29.50  

9.5   20.00   30.00  

10.0   20.50   30.50  



 

Heating Curve and Boiling Point of water 

Temperature °C 
 

Your Observed boiling point is  . 
Why do you think it differs from 100 °C? 

H
eating Tim

e m
inutes 
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Cooling Curve 
Data 

 
Time 
(minutes) 

Temperature 
(°C) 

 Time 
(minutes) 

Temperature 
(°C) 

 Time 
(minutes) 

Temperature 
(°C) 

0.0   10.50   20.50  

0.5   11.00   21.00  

1.0   11.50   21.50  

1.5   12.00   22.00  

2.0   12.50   22.50  

2.5   13.00   23.00  

3.0   13.50   23.50  

3.5   14.00   24.00  

4.0   14.50   24.50  

4.5   15.00   25.00  

5.0   15.50   25.50  

5.5   16.00   26.00  

6.0   16.50   26.50  

6.5   17.00   27.00  

7.0   17.50   27.50  

7.5   18.00   28.00  

8.0   18.50   28.50  

8.5   19.00   29.00  

9.0   19.50   29.50  

9.5   20.00   30.00  

10.0   20.50   30.50  
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Cooling Curve and Freezing Point of Naphthalene 
 

Temperature °C 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

Freezing Point is    

Cooling Tim
e m

inutes 
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Heat of Fusion of Ice 
Masses 

Line 1 Empty Cup    

Line 2 Cup with Warm Water    

Line 3 Warm Water Only    

Line 4 Cup & Warm Water with Ice        

Line 5 Ice Only    

Temperatures 

Line 6 Warm Water Initial 

Line 7 Warm Water Final Temperature    

Line 8 Change in Warm Water Temperature    

Line 9 Ice Initial 0 °C (assumption)   

Line 10 “Ice Water” Initial 0 °C (known m.p. of ice)     

Line 11 “Ice Water” Final Temperature    

Line 12 Change in “Ice Water” Temperature    

Energy Transferred 

Line 13 Heat Lost by Warm Water    

Line 14 Heat Gained by Ice and “Ice Water”    

Line 15 Heat Gained in warming “Ice Water”    

Line 16 Heat to Melt Ice    

Ice Heat of Fusion 

Line 17 Calculated Heat of Fusion of Ice    
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Absolute zero is really cool. 
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Chemical Compounds, Formulas and 
Names 

 
Introduction 
Today’s lab offers the opportunity for practice with naming chemical compounds 
and writing formulas for compounds. The names of chemical compounds provide 
information on what elements are present. The names also provide insight into the 
types of bonds present; that is the forces holding atoms together in a compound. 

Compounds are pure substances made of two or more elements in definite 
proportions. Water is 11.1 weight percent hydrogen and 88.9 weight percent oxygen 
no matter where found. Likewise table salt is always 39.3 weight percent sodium, 
and 60.7 weight percent chlorine. The amino acid cysteine contains five elements 
with the following weight percent composition; 29.8 % carbon, 5.79 % hydrogen, 11.6 
% nitrogen, 26.4 % oxygen and 26.4 % sulfur. Using the elements atomic weights 
and the weight composition the atomic ratios can be calculated. Water is two atoms 
of hydrogen one atom of oxygen. Table salt is one atom of sodium one atom of 
oxygen. Cysteine is three carbon atoms, seven hydrogen atoms, one nitrogen atom, 
two oxygen atoms and one sulfur atom.  The atomic ratios are shown in the 
chemical formulas. The formulas are H2O, NaCl and C3H7NO2S. Note that 1 is not 
shown when only one atom is present.  The 1 is understood to be there. 

Compounds are either ionic or covalent. Table salt (sodium chloride), baking soda 
(sodium bicarbonate), sodium fluoride (in Crest toothpaste) and calcium carbonate 
(in calcium supplements) are ionic. Carbon dioxide, water, sugar and the 
compounds found in gasoline are covalent. 

Ionic Compounds 
Ionic compounds consist of ions. Recall that atoms contain equal numbers of 
protons and electrons. The atom is electrically neutral because the total charge is 
zero. Some atoms attract electrons much more strongly than others. Fluorine, 
chlorine and oxygen will take electrons away from hydrogen, sodium and 
magnesium to form ions. Ions formed when electrons are captured by an element 
are negative because the ion has more electrons than protons. Negative ions are 
anions. Ions formed when electrons are given up are positive because the ion has 
fewer electrons than protons. Positive ions are cations. The electrostatic 
attraction between an anion and a cation holds ionic compounds together. Ionic 
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compounds consist of tremendous numbers of anions and cations. There are no 
individual molecules of ionic materials. The formula shows the simplest ratio of the 
elements present in the ionic compound. 

It is the valence electrons which are involved in the formation of ionic compounds. 
Valence electrons in s orbitals are easily lost. That is why the alkali metals (Group 
1A) and the alkaline earth metals (Group 2A) are found in ionic compounds as 1+ 
and 2+ cations respectively.  Elements which can complete the p orbital by 
capturing electrons often do so. The halogens (Group 7) form 1− anions in this way. 
Oxygen and sulfur can capture 2 electrons and are often found as 2− anions in ionic 
compounds. Nitrogen and phosphorus don’t make many ionic compounds but when 
they do they are 3− anions. 

Many transition metals as well as tin and lead make more than one cation by losing 
different numbers of electrons. In order to know which cation is present they are 
named with a number indicating the positive charge present. For example CuCl is 
copper (I) chloride and SnO2 is tin (IV) oxide.  There is more on naming below. 

Ionic Charges of Common Ions 
 
 

H 
1+ 

 

Li 
1+ 

          N 
3− 

O 
2− 

F 
1− 

Na Mg        Al  P S Cl 
1+ 2+        3+  3− 2− 1− 

K Ca Cr Mn Fe Co Ni Cu Zn     Br 
1+ 2+ 2+,3+ 2+,3+ 2+,3+ 2+,3+ 2+,3+ 1+,2+ 2+     1− 

Rb Sr      Ag Cd  Sn   I 
1+ 2+      1+ 2+  2+,4+   1− 
Cs 
1+ 

Ba 
2+ 

     Au 
1+,3+ 

Hg2 2+ 
Hg 2+ 

 Pb 
2+,4+ 

   

 
 
 
Elemental cations and anions are named differently. Cations are simply the name 
of the metal element or in those cases where more than one cation is possible the 
metal name and a Roman numeral indicating the positive charge. Anions take the 
root of the nonmetal element and the suffix ide. In ionic compounds the total 
positive charge equals the total negative charge. The ratio of cations and anions in 
the formula is such that the charges equal. 
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MgCl2 Mg2+ Cl− Magnesium chloride 2+ and 2(1−) 
Fe2O3 Fe3+ O2− Iron(III) oxide 2(3+) and 3(2−) 
AlN Al3+ N3− Aluminum nitride 3+ and 3− 

 
Name Cation Anion Charge Balance Formula 
Cesium fluoride Cs+ F− 1+ and 1−  CsF 
Sodium sulfide Na+ S2− 2(1+) and 2−  Na2S 
Copper(II) chloride Cu2+ Cl− 2+ and 2(1−)  CuCl2 
Gold(I) phosphide  Au+ P3− 3(1+) and 3−  Au3P 

 
At first glance it appears that the formulas PbCl2, Au3P or Fe2O3 don’t specify the 
cation’s charge. The ratio in the formula and the anion charge lets you quickly 
determine the charge on the cation. Chloride anion is 1− and there are two of them 
for one Pb.  The lead must be Pb(II). Phosphide anion is 3−.  There are three Au 
cations for one phosphide so the gold is Au(I). Oxide anion is 2−. Three O2− ions 
mean a total 6− charge. Two iron ions must be 6+. The iron in Fe2O3 is therefore 
Fe(III). 

Sometimes groups of atoms have an excess or a deficiency of electrons. These 
charged groups of atoms are called polyatomic ions. 

Polyatomic Ion Name Comment 
OH− Hydroxide Don’t be confused by the ide ending this is a 

polyatomic ion containing hydrogen and oxygen. 
Hydroxide ions make a compound basic. Drano® 
contains sodium hydroxide NaOH. 

NH4+ Ammonium  This is the only common polyatomic cation.  It is 
present in household ammonia cleaners. When 
ammonia, NH3 dissolves in water a reaction takes 
place forming ammonium hydroxide NH4OH. 
Ammonium ion is also the nitrogen source in many 
fertilizers. 

Formula Cation Anion Name Charge Balance 
LiBr Li+ Br− Lithium bromide 1+ and 1− 
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Polyatomic Ion Name Comment 
CO32− Carbonate Seashells and limestone are made of calcium 

carbonate CaCO3. Antacids such as Tums and 
Rolaids contain calcium carbonate. 

HCO3− Bicarbonate Baking soda is primarily sodium bicarbonate 
NaHCO3.  Above 70 °C the NaHCO3 is converted 
to Na2CO3, water and carbon dioxide.  The carbon 

 
 
 
 
 
 
 
 
 
 
 
 
 
 

Compounds containing polyatomic ions are easy to name. 
 

Formula Cation Anion Name Charge Balance 
NaNO3 Na+ NO3− Sodium nitrate 1+ and 1− 
K2SO4 K+ SO42− Potassium sulfate 2(1+) and 2− 
(NH4)3PO4    NH4+ PO43− Ammonium phosphate 3(1+) and 3− 

Note the use of parenthesis and the subscript 3 when three NH4+ ions were needed 
to balance the charge of the PO43− ion in ammonium phosphate. 

 
Name Cation Anion Charge  Balance Formula 
Ammonium nitrateNH4+ NO3− 1+ and 1−  NH4NO3 

Barium hydroxide  Ba2+ OH− 2+ and 2(1−) Ba(OH)2 
Iron(III) carbonate Fe3+ CO32− 2(3+) and 3(2−) Fe2(CO3)3 

Covalent Compounds 
In covalent compounds electrons are not transferred from one atom to another. 
Instead of a transfer, electrons are shared between two atoms. Very often by 
sharing each atom completes an octet of valence electrons. The sharing holds the 
atoms together as discrete molecules.  Sharing electrons to complete an octet 

 dioxide is the gas that makes the bread or pastry 
rise. 

SO42− Sulfate Plaster of Paris is calcium sulfate CaSO4. 
  Epsom salts is magnesium sulfate Mg SO4. 
  Sulfate ion is present in lead-acid batteries (car 
  batteries) the oldest type of rechargeable battery. 
PO43− Phosphate Sodium phosphate Na3PO4 is used as a food 
  emulsifying agent.  As such Na3PO4 prevents 
  separation of materials in processed cheeses, 
  processed meats and canned soups.  Phosphate ion 
  ion is essential to good health.  It is found in bones 
  bones and teeth as hydroxyapatite Ca5(PO4)3OH 
  and in the cellular energy transport molecule 
  adenosine triphosphate (ATP). 
NO3− Nitrate Sodium nitrate NaNO3 is a particularly effective 
  food preservative. 
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increases the stability of the molecule compared to the individual atoms. This 
increase in stability causes molecules to form. Atoms of many elements form 
molecules such as H2, O2, S8 and even C60. Covalent compounds are also called 
molecular compounds.  The sharing of electrons is known as a covalent bond. 

Chemists use Lewis dot structures (electron-dot formulas according to the text) to 
provide a visual representation of a molecule and the valence electrons. (Lewis dot 
structures were first published by G. N. Lewis of the University of California, 
Berkley in 1916 in a paper defining the covalent bond as we know it today. Lewis 
also made many important contributions to understanding acids and bases. He is 
said to have been the greatest chemist of the 20th century not to have won the Nobel 
Prize.)  Lewis dot symbols of an element show the element surrounded by its 
valence electrons. When elements bond together the shared electrons are paired up. 
Unshared valence electrons, called lone pairs, are shown as well. When two atoms 
share more than one pair of electrons double (two shared pairs) and triple (three 
shared pairs) bonds are formed. 

Hydrogen Chlorine Hydrogen chloride HCl 
 

. . 
:Cl . 

. . 
. . 

H:C. .l 
. 

 
Water H2O Carbon dioxide CO2 Acetylene H2C2 
(single bonds only) (two double bonds) (single bonds C to H 
  triple bond between Cs) 

. . H :H . . . . 
:O. . :O::C::O: H:C:::C:H 

 

Compounds containing double and triple bonds can have more than one valid Lewis 
structure. Ozone, an important constituent of the upper atmosphere and a major 
contributor to ground level air pollution, is such a compound. 

 

. . . . . . 
:O::O:O. .: 

. . . . . . 
:O. .:O::O: 

H. 
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Covalent compounds involve two or more nonmetals.  (There are some exceptions 
but they are not encountered often enough to concern us here). Many covalent 
compounds use common names such as water and ethyl alcohol which were given 
the compounds before the elemental compositions were known. Organic compounds 
were originally all derived from living things.  They all contain carbon almost 
always hydrogen and many times oxygen, nitrogen, and sulfur, and less often a 
halogen, chlorine or bromine.  There are rules for naming organic compounds but 
we will not use them this semester. What you should be able to do is name binary 
covalent compounds. Binary means two elements only. To name a binary covalent 
compound name use the element name for the first atom in the formula. Use the 
root of the second element name with the suffix ide. This looks like the name for an 
ionic compound.  A difference is that a prefix is used to indicate the number of 
atoms of each element in the molecule. The prefix mono is usually omitted. Carbon 
monoxide is an exception. 

Prefixes Used in Naming Covalent Compounds 
1 mono 6 hexa 
2 di 7 hepta 
3 tri 8 octa 
4 tetra 9 nona 
5 penta 10 deca 

 
 

Formula 
NO 

Elements  Present 
nitrogen  & oxygen 

Atom 
1 to 1 

 Ratio Name  
nitrogen oxide 

CCl4 
BH3 
S2O3 

carbon & chlorine 
boron & hydrogen 
sulfur & oxygen 

1 to 4 
1 to 3 
2 to 3 

 carbon tetrachloride 
boron trihydride 
disulfur trioxide 

Name Elements Present Atom Ratio Formula 
Carbon dioxide carbon & oxygen 1 to 2 CO2 

Dihydrogen oxide hydrogen & oxygen 
(of course you know this as water) 
Tetraphosphorus phosphorous & 
decoxide oxygen 

2 to 1 
 
4 to 10 

H2O 

P4O10 

Not all covalent bonds are the same.  Many times the electrons are shared equally 
or nearly equally.  This is the case in chlorine, Cl2, and methane, CH4, molecules. 
In Cl2 the each chlorine atom attracts the electrons equally. In methane the carbon 
atoms attract the electrons just slightly more than hydrogen. This is not the case in 
carbon tetrachloride, CCl4. Electrons are shared between carbon and chlorine but 
the chlorine atoms attract the electrons more strongly.  In carbon tetrachloride the 
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electrons are closer to the chlorine atoms. The ability of an atom to attract the 
shared electrons in a covalent bond is called electronegativity. Electronegativity 
is a periodic property as the values show a repeating pattern as the atomic number 
increases (see the graph on the next page). The periodic trend for electronegativity 
is increasing as one moves across a period and decreasing as one moves down a 
group. 

When electrons are shared equally or nearly equally the bond is a nonpolar 
covalent bond. There is no difference between the ends of the bond. When one 
atom attracts the electrons more strongly that end of the bond is more negative. 
The bond then has negative and positive ends or poles.  This unequal sharing 
results in a polar covalent bond. The negative end of the bond is on the more 
electronegative atom. Nonpolar covalent bonds form when electronegativity 
differences are less than or equal to 0.4. When the difference in electronegativity is 
greater than 0.4 the electrons are shared unequally. A polar covalent bond results 
until the electronegativity becomes greater than 1.8. At such a large 
electronegativity difference the electrons are exchanged and an ionic bond is 
formed. 

Electronegativity Values Elements in Groups 1A to 7A clearly show the repeating 
pattern. 

 

 
4.0 

 
3.5 

 
3.0 

 
2.5 

 
2.0 

 
1.5 

 
1.0 

 
0.5 

 
0.0 

H   Be    C O   Na   Al P Cl    Ca   Ge   Se   Rb   In   Sb    I Ba   Pb  Po 
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Table of Electronegativity Values 
 

Element Electronegativity Element Electronegativity 
H 2.1 Ge 1.8 
Li 1.0 As 2.0 
Be 1.5 Se 2.4 
B 2.0 Br 2.8 
C 2.5 Rb 0.8 
N 3.0 Sr 1.0 
O 3.5 In 1.7 
F 4.0 Sn 1.8 

Na 0.9 Sb 1.9 
Mg 1.2 Te 2.1 
Al 1.5 I 2.5 
Si 1.8 Cs 0.7 
P 2.1 Ba 0.9 
Si 2.5 Tl 1.8 
Cl 3.0 Pb 1.9 
K 0.8 Bi 1.9 
Ca 1.0 Po 2.0 
Ga 1.6 At 2.1 

 
 

Compound Electronegativity Difference Type of Bond 
H2O O – H = 3.5 – 2.1 = 1.4 Polar Covalent 
BH3 H – B = 2.1 – 2.0 = 0.1 Nonpolar Covalent 
CO2 O – C = 3.5 – 2.5 = 1.0 Polar Covalent 
KCl Cl – K = 3.0 – 0.8 = 2.2 Ionic 

 

Laboratory Activities 
The activities today involve names, formulas, Lewis structures and resonance. 
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Name Section    
 

Report Sheet – Chemical Compounds, Formulas and Names 

Ionic Compounds 
Name these ionic compounds 

KBr BaF2 

 
 

TiCl3 SnS2 

 
 

Cu3P PbO 
 
 

AgNO3 NH4Cl 
 
 

Be(HCO3)2 Sc(OH)3 

 
 

Fe(NO3)3 CrSO4 

 
 

Provide the formulas for these ionic compounds 

Lithium iodide                                                    Potassium hydroxide 
 
 

Silver bromide  Zinc sulfide 
 
 

Vanadium(V) oxide           Ammonium oxide 
 
 

Sodium carbonate  Cobalt(III) oxide 
 
 

Copper(II)phosphate            Iron(III) phosphate 
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Covalent Compounds 
Name these covalent compounds 

P4O10 SiO2 

 
 
PCl3 N2F2 

 
 
SBr6 IBr 

 
 
CCl4 CS2 

 
 
P4S5 IF7 

 
 
Provide the formulas for these covalent compounds 

Silicon tetraflouride        dinitrogen trioxide  

 

 

Disilicon hexabromide                         Tetrasulfur dinitride 

 
 
Dichlorine monoxide Dinitrogen tetrahydride 

(hydrazine) 
 
 
Phosphorous tribromide Pentaoxygen difluoride 

 
 
Boron trichloride Diselenium dibromide 
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Ionic and Covalent Compounds 
In the Table below you are given the elements found in a compound. Decide if the 
compound is ionic or covalent.  Write the formula and name the compound. 

 
Elements Ionic or Covalent? Formula Name 
Carbon & Hydrogen  CH4 Methane 

Chlorine & Magnesium    

Copper(I) & Sulfur    

Iron(II) & Oxygen    

Hydrogen & Nitrogen    

Iodine & Chlorine    

Iodine & Hydrogen    

Manganese(IV) & 
Nitrogen 

   

Nitrogen & Sulfur  N2S3  

Sodium & Fluorine    

   Water 
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Lewis Structures 
Draw Lewis structures for each molecule 
Chlorine Cl2 Nitrogen trifluoride 

 
 
 
 
 
Hydrogen sulfide H2S Methyl alcohol (CH3OH) 

 
 
 
 
 
 
Formaldehyde (CH2O) Oxygen O2 

 
 
 
 
 
Nitrogen N2 Hydrazine N2H4 
 

 
 
 
 
 
Hydroxide ion Nitrate ion 
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Lewis Structures and Resonance 
Shown is one valid Lewis structure for sulfur dioxide SO2. Draw a second valid 
Lewis structure in resonance with the first. 

.. .. .. 
:O::S:O..: 

 
 
 
 

Draw a Lewis structure for the carbonate ion CO32−. Remember the carbonate ion 
has 2 electrons more than total valence ions in C and 3 Os. Draw two additional 
valid Lewis structures in resonance with the first. 

 
 
 
 

 
 
 
 
 

 

There are literally millions upon millions of different chemical compounds known. 
New ones are being made in laboratories around the world every day. How can we 
possibly name all of these compounds in such a way as to leave no doubt as to the 
chemical under discussion?  The foundations of modern chemical nomenclature 
were laid by the French chemists Antoine Lavoisier, Claude Louis Berthollet and 
Antoine François conte de Fourcroy in the 18th century. The success of their method 
was assured when the Swedish chemist Jöns Jacob Berzelius adapted it for the 
German-speaking world in 1811.  Today the International Union of Pure and 
Applied Chemistry (IUPAC) is charged with the responsibility of setting systemic 
rules for naming chemical compounds from the very simplest such as water and 
sodium chloride to the most complex imaginable. 



74  
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Chemical Reactions – Changing One 
Substance into Another 

 
Introduction 
Chemical reactions convert one substance into something else. The new substance 
has new and difference properties. Rust is different than iron, gasoline you put in 
the tank is difference from the gases that leave the tailpipe and a scrambled egg you 
eat is not at all the same as what came from the shell.  Nor is that egg the same 
after your body digests it and turns it into you or into energy compounds to fuel 
your metabolism. 

You can tell a chemical reaction has occurred by comparing the products made to 
the starting materials. Even when it is difficult or impossible to collect samples for 
comparison telltale signs of chemical reactions can be observed. Telltale signs that 
a new substance has been made include; 

• Formation of a gaseous product when none was present in the reactants 
• Formation of a water insoluble product when reactants were water soluble 
• Energy in the form of heat or light is given off 
• Energy is absorbed. This could be light but most often heat energy is 

absorbed cooling the reacting mixture and the surroundings 
• Product color is distinctly different from the reactants (formation of KSCN or 

color change of phenolphthalein) 
• Product has a distinctive odor (H2S from reaction of PbS with HCl) 
• A reactant disappears (decomposition of NH4CO3 on heating or candle 

burning) 

In most reactions one or more of these signs is obvious.  At times reactions take 
place very slowly and the signs might not be easily seen. In the lab today a number 
of reactions will be done. Part of your work is to identify signs that a new substance 
is formed.  Record all of your observations. 

Chemical equations are used to show what materials changed during a reaction. 
The materials present before the reaction occurs are reactants. The new materials 
formed are products.  Chemical equations use chemical formulas in place of words. 
In the chemical equation an arrow indicates the conversion of reactants to products. 
When heat or light energy is needed to make the reaction take place these “reaction 
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conditions” are shown above or below the arrow. A triangle (Δ) indicates that heat 
is added to the reacting mixture. 

During a chemical reaction bonds are broken and bonds are formed. When the 
reactants and products are covalent compounds the valence electrons are 
rearranged. If the compounds are ionic the ions might change partners. Sometimes 
electrons are exchanged with the creation of different ions and perhaps covalent 
molecules.  In the lab today we will see examples of all of these. 

Atoms are not created or destroyed by chemical reactions. Molecules and ionic 
compounds are made and destroyed. In all chemical equations the number of atoms 
of each kind must be equal. If there are 18 oxygen atoms present in the reactants 
there must be 18 oxygen atoms in the products. When the atoms on each side of the 
reaction are equal the equation is said to be balanced. Getting the correct 
formula for each compound is critical in getting the reaction to balance. 
After writing the formulas coefficients are placed in front of the formulas as needed 
to make the atoms balance. 

Photosynthesis in plants is an example of a chemical reaction. Plants convert 
carbon dioxide and water into sugar in the presence of light. Oxygen is a second 
product that the plant discharges to the air. 

 

 
CO2 + H2O 

light 
(green plants) 

 

 

 

C6H12O6 + O2 (note reaction is not balanced) 
 

The equation is read as “carbon dioxide reacts with water in the presence of light 
and green plants to form (or yield) glucose (a simple sugar) and oxygen”. Note that 
in the unbalanced equation the reactants have fewer of each kind of atom that the 
products. For example there is one carbon in the reactants and six carbons in the 
products. To balance the carbon atoms place a six in front of the CO2. Hydrogen is 
balanced with a coefficient of six in front of H2O. At this point there are 18 oxygen 
atoms in the reactants, six from 6 H2O and 12 from 6 CO2 (six CO2 molecules each 
of which have two oxygen atoms). The glucose has six oxygen atoms so placing a 
coefficient of six on the O2 molecules balances the oxygen atoms. 

 

 
6 CO2 + 6 H2O 

light 
(green plants) 

 

 

 

C6H12O6 + 6 O2 
 

The equation now reads “six carbon dioxide molecules react with six water 
molecules in the presence of light and green plants to form (or yield) one glucose (a 
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simple sugar) molecule and six oxygen molecules”. This ratio of molecules is always 
true. If you wanted you could react 6 dozen CO2 molecules with 6 dozen H2O 
molecules to make 1 dozen C6H12O6. Likewise you could react 6 million CO2 

molecules with 6 million H2O molecules to make 1 million C6H12O6. Molecules are 
tiny things. Even a million molecules of C6H12O6 are far too few to see. To have 
enough C6H12O6 to see, say 0.01 g, you would have to make roughly 33 quintillion 
(that’s 33 followed by 18 zeros) molecules of C6H12O6. So 198 quintillion CO2 

molecules and 198 quintillion H2O molecules are reacted.  The ratio is still 6 to 6 to 
1. Chemists have a word for an extremely large number. The word is mole and the 
number is 6.02x1023 (602 followed by 21 zeros). This many C6H12O6 molecules, one 
mole of C6H12O6 molecules, has a mass of 180 g. You can read the equation as “six 
moles of carbon dioxide molecules react with six moles of water molecules in the 
presence of light and green plants to form (or yield) one mole of glucose (a simple 
sugar) molecules and six moles of oxygen molecules”. We do more with moles in the 
next lab. 

 
Laboratory Activities 

Reaction 1 Zinc Metal with an Aqueous Solution of Copper(II) Sulfate 
In this reaction Zn metal reacts with Cu2+ ions. The Zn gives up two electrons to 
the Cu2+ ions.  The product is Zn2+ ion and very fine particles of Cu metal. 

To start the reaction copper ion is dissolved in water. The solid CuSO4 used to 
prepare the solution contained both Cu2+ and SO42− ions. During the reaction with 
Zn the SO42− ions remain unchanged. It this reaction the SO42− ions are called 
spectator ions, they simply watch what happens to the Cu and Zn. As the reaction 
converts Zn metal to Zn2+ ions the zinc metal goes into solution. At the end of the 
reaction you have a solution of ZnSO4. By evaporating the water the solid ZnSO4 

can be recovered. 

Take two small test tubes and add about 3 mL of 1 M CuSO4 to each. On the Record 
Sheet record the appearance of the solution. To one test tube only add about 0.2 g of granular 
(30 mesh) Zn metal. This is about a quarter of an inch on the end of a spatula. Watch what 
happens and record your observations. Make note of the addition time. Let the mixture stand 
until the end of the lab. About every 20 minutes take a stirring rod and gently grind and mix the 
solids in the bottom of the tube. Make note if you notice the tube getting warm. Also be sure to 
track any changes in the color of the solution.  Use the second test tube to compare the color. 
Place a cork in each tube. Take tape and label each test tube with your name, the contents and 
today’s date and let them stand in your drawer until the next lab for one last comparison. After 
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your final look, dispose of the solutions in the inorganic waste bottle and the copper metal in the 
receptacle provided. 

This reaction is a single displacement.  Write and balance a chemical equation for this reaction. 
 
Reaction 2 Baking Soda and Vinegar 
The reaction is sodium bicarbonate (baking soda) reacts with acetic acid (acetic acid 
is a covalent compound C2H3O2H) to make carbon dioxide, water and sodium 
acetate (acetate ion is the polyatomic ion C2H3O2−. Sodium acetate is NaC2H3O2). 
Vinegar is acetic acid dissolved in water. 

Obtain the following from the equipment cart and your drawer. 

• 100 mL beaker 
• 50 mL graduated cylinder 
• Thermometer 
• Glass stirring rod 
• Spatula 
• Plastic weighing boat 

Place between 35 and 45 mL of vinegar into a 100 mL beaker. Record the 
temperature of the vinegar. Measure 2.5 to 3.5 g of baking soda into a weighing 
boat. Add a small portion, about 0.5 g, of baking soda to the beaker containing the 
vinegar. What happened? Allow the reaction to subside then add another small 
portion of baking soda. Stir the reacting mixture with the stir rod. Make note of 
what is happening to the temperature.  Continue to add the baking soda until it is 
all consumed or the liquid in the beaker no longer fizzes when baking soda is added. 
Record the lowest temperature observed during the reaction.  Provide evidence that 
a reaction occurred on the Report Sheet. Write and balance a chemical equation for 
this reaction. 

Note this is really two reactions. The first is a double displacement in which acetic 
acid provides an H+ ion to the bicarbonate ion to make H2COs and an acetate ion to 
sodium ion to make NaC2H3O2. The second reaction is decomposition of H2COs to 
make water and carbon dioxide. 

Dispose of the liquid in the beaker in the inorganic waste bottle. Dispose of any 
remaining solid baking soda in the inorganic solid waste bag. Rinse the 
thermometer and stirring rod before returning them to the respective containers. 
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Reaction 3 Water solutions of Pb(NO3)2 and KI 
Many, but not all, ionic compounds are soluble in water. Water solutions are called 
aqueous solutions. In chemical equations a subscript (aq) indicates that the 
compound is dissolved in water. When a reaction of aqueous solutions forms an 
insoluble product it is called a precipitate and the reaction is dubbed a precipitation 
reaction.  A subscript (s) on the insoluble product emphasizes that it is a precipitate. 

Mixing water solutions of lead(II) nitrate with potassium iodide makes the 
precipitate lead(II) iodide. Potassium nitrate is also a product but because it is 
soluble in water you don’t see it. Potassium nitrate could be isolated by removing 
the lead(II) nitrate solids and evaporating all of the water. 

Add 20 drops of Pb(NO3)2 solution to a small test tube. Add 20 drops of KI(aq) 

solution to the tube and mix.  What happened? 

Record your observations on the Report Sheet. Write and balance a chemical 
equation for this reaction. 

Use the centrifuge to force all solids to the bottom of the test tube. Balance the 
centrifuge by placing a test tube with the same amount of water opposite your test 
tube with water and solids. Your instructor will demonstrate how to do this. Let 
the centrifuge spin for 30 seconds to a minute. Let the centrifuge come to a 
complete stop before opening the top. 

After the reaction, the liquid in the test tube goes in the inorganic waste bottle. Put 
the solid in the inorganic solid waste bag. 

This is a double displacement reaction. The ions change partners with PbI2 

precipitating because it is not water soluble. Write and balance a chemical equation 
for this reaction. 

Reaction 4 Combustion of candle wax with oxygen 
Wax is the fuel for a burning candle. The wax in a candle is called paraffin wax. 
Paraffin wax is a mixture of hydrocarbons. Hydrocarbons are covalent compounds 
containing carbon and hydrogen only. In the candle the hydrocarbon molecules 
contain from 22 to 27 carbon atoms and from 46 to 56 hydrogen atoms. A formula of 
C25H52 can be used to approximate the composition of a typical molecule in writing 
the chemical equation. 

Combustion of the wax with oxygen makes carbon dioxide and water. To burn the 
molecules of wax must mix with oxygen molecules in the gas phase.  This is way a 
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solid candle doesn’t burn. Hot wax melts and enough gaseous molecules are 
generated for the reaction to proceed. 

Light a candle and observe for a few minutes. What happens? Invert a 400 mL 
beaker over the candle with the mouth of the beaker a few centimeters above the 
flame tip. Keep the beaker above the flame for 10 to 12 seconds. The beaker should 
not get too hot.  What do you see inside the beaker? 

Now lower the beaker until it is sitting on the bench top completely surrounding the 
candle.  What happens? 

Record your observations and write a balanced equation for combustion of candle 
wax in the Report Sheet. 

This reaction is called combustion or oxidation-reduction. 

Not much to clean up with this reaction. Use a spatula to scrap any wax drippings 
from the bench top and place in the trash. 

Reaction 5 Disappearance of ammonium carbonate when heated 
When ammonium carbonate is heated ammonia (NH3), carbon dioxide and water 
are formed. 

Place 0.4 to 0.5 g of ammonium carbonate (NH4CO3) into a large test tube. Light a 
Bunsen burner. Use a test tube holder to heat the tube in the burner flame. Watch 
what happens. The solid will all disappear. You can smell ammonium (NH3) if you 
gently waft the gas coming out of the test tube toward you nose. You can see water 
(H2O) collecting near the top of the test tube before it gets too hot. The carbon 
dioxide (CO2) is not evident but you know the carbon had to go somewhere. 

Record your observations and write a balanced equation for what happened to the 
ammonium carbonate in the Report Sheet. 

This is a decomposition reaction. 

Place any residual ammonium carbonate in the solid inorganic waste bag. 

Reaction 6 (A demonstration) 
Magnesium metal burns when ignited in air.  This combustion reaction gives off 
heat and an intense white light at the magnesium atoms combine with oxygen. The 
product, magnesium oxide (MgO), is not at all like the metal and gas from which it 
formed. Watch as your instructor burns a piece of magnesium. Make notes of what 
happened and write the balanced chemical reaction on the Report Sheet. 
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Name Section    
 

Report Sheet – Chemical Reactions Changing One Substance into Another 

Reaction 1 Zinc Metal with an Aqueous Solution of Copper(II) Sulfate 
Describe the CuSO4 solution. 

 
 
Describe the Zn metal. 

 
 
Note the time when you add the metal to the solution. 

What happens when the metal is added to the solution? 

 
 
 
Watch what happens to both the solution and the solid.  Make note if you notice 
that the temperature of the tube changes.  (Any temperature change will be subtle) 

Twenty minutes after addition 
 
 
Forty minutes after addition 

 
 
Sixty minutes after addition 

 
 
What evidence is there of a reaction?  (There are at least 2 signs of reaction) 

 
 
 
 
Write the chemical reaction equation for zinc metal and copper(II) sulfate solution. 
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Reaction 2 Baking Soda and Vinegar 
What happened when the baking soda was added to the vinegar? 

 
 
 
 
Write the balanced equation here 

 
 
 
 
Temperature of vinegar before reaction    

 
 
 

Temperature after the reaction    

What evidence indicates that a reaction occurred? (There are at least 2 signs of 
reaction) 

 
 
 
 
 
 
 

Reaction 3 Water solutions of Pb(NO3)2(aq) and KI(aq) 

What did the starting solutions of Pb(NO3)2(aq) and KI(aq) look like? 
 
 
 
 
What happened when KI(aq) was added to Pb(NO3)2(aq) in the test tube? 

 
 
 
 
Write the balanced equation here. 
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What evidence indicates that a reaction occurred? 

After spinning the mixture in the centrifuge what did the water solution look like? 
 
 
 
 
Reaction 4 Combustion of candle wax with oxygen 
What did you see as the candle burned? 

 
 
 
 
 
 
 
Write the balanced equation here (Use C25H52 as the formula for wax. The 
coefficients for oxygen, carbon dioxide and water are large) 

 
 
 

What evidence indicates that a reaction occurred? (There are at least 2 signs of 
reaction) 

 
 
 
 
 
Reaction 5 Disappearance of ammonium carbonate when heated 
What did you noticed as the ammonium carbonate was heated? 
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Write the balanced equation here. The formula for ammonia is NH3. As you 
determine the coefficients start by balancing N. 

 
 
 
 
What evidence indicates that a reaction occurred? (There are at least 2 signs of 
reaction) 

 
 
 
 

Reaction 6 Hot Magnesium Metal with Oxygen (from the air) 
Describe the Mg metal. 

 
 
Describe the Oxygen gas 

 
 
What happens when the metal is ignited? 

 
 
 
 
Describe the magnesium oxide. 

 
 
What evidence indicates that a reaction occurred? (There are at least 2 signs of 
reaction) 

 
 
 
 
 
Write a balanced chemical equation for this reaction. 
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Stoichiometry – Recipes for Chemical 
Reactions 

 
Introduction 

Stoichiometry 
In the last lab we ran a number of chemical reactions and observed the results. The 
observations allowed for recognition that a new substance was made and confirmed 
that a chemical reaction had in fact occurred.  Observations along are qualitative. 
We know we made something new but not how much. Measuring the amount of 
reactants and products is quantitative. Quantitative analysis of chemical reactions 
is important for many reasons. Stoichiometry is the word used for the quantitative 
study of chemical reactions.  As such, stoichiometry deals not just with the 
identities of reactants and products but their relative amounts. Simply put 
stoichiometry is the math behind the chemistry. It is the recipe for a chemical 
reaction. 

In the last lab we burned a candle and produced carbon dioxide. That is qualitative. 
The quantitative question, the stoichiometry question, is how much carbon dioxide 
is produced when the entire candle burns. 

C25H52 + 38 O2 25 CO2 + 26 H2O 

You know that the balanced chemical equation tells you one molecule of C25H52 

reacts with 38 molecules of O2 to form 25 CO2 molecules and 26 H2O molecules. The 
problem is that you don’t count out molecules. You do measure the mass of the 
candle. Molecular mass is used to “count” the molecules present in the grams 
measured.  We’ll get back to this below. 

Mole – A word for a number 
You use words for numbers often. The meanings of pair and dozen are well known. 
You have heard of gross (144, a dozen dozen), score (20) and baker’s dozen (13). 
Less common are ream (500) and great gross (1728, a dozen gross). To these add 
the word mole.  A mole is 602,000,000,000,000,000,000,000.  This number is huge! 
A mole of water drops would cover all of the US to a depth of about two miles. A 
stack of containing one mole of dimes would be 86,000 light years tall and weigh as 
much as all the water on earth. For convenience scientific notation is used for the 
mole, 6.02x1023.  This number is called Avogadro’s number. 
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A mole of carbon contains 6.02x1023 atoms. A mole of water contains 6.02x1023 

molecules. A mole of donuts contains 6.02x1023 donuts. That’s 5x1022 dozen or 7 
trillion dozen for every person on earth.  A mole is a really big number. 

As big as a mole is it only takes 18 g of water to contain a mole of water molecules. 
Molecules are really tiny. Molar mass is the number of grams that contains one 
mole of entities either atoms or molecules. Recall that the atomic mass of an 
element in the Periodic Table is given in amu per atom. One amu is equal to 
1.661x10−24 g. This ratio is such that the atomic mass value in the Periodic 
Table is also grams per mole of atoms. 

Atomic mass of oxygen is 16.00 amu per atom. 

16.00 amu x 1.661x10−24g  x  6.02x1023 atoms  =  16.00 g 
O atom 1 amu mol O mol O 

Atomic mass of magnesium is 24.31 gram per mole 

24.31 g  x     1 amu  x      1 mol Mg =  24.31 amu 
mol Mg 1.661x10−24 g  6.02x1023 atoms  atom Mg 

In the calculations below use the atomic mass in grams per mole. 

Stoichiometry Problems 
Calculations with chemical equations are stoichiometry problems. Remember the 
coefficients in the chemical equation show the moles of reactants and products. 
Molecular mass of a compound is the sum of atomic masses of all the atoms present 
in the compound. 

Here is how you use stoichiometry to find the number of grams CO2 produced when 
a candle burns. 

1. First you must have a balanced chemical equation for the reaction showing 
the reactants and products with the correct formulas. The equation for 
burning wax is 

 

C25H52 + 38 O2 25 CO2 + 26 H2O 

2. The next thing needed is the mass of candle burned and the molecular mass 
of the wax. 

Mass of candle burned 85 g. Molar mass of wax 102 g per mole (25x12 + 52x1) 
because there are 25 carbon atoms each with a mass of 12g per mole and 52 
hydrogen atoms each with a mass of 1 g per mole. 
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3. Calculate the moles of wax burned using the grams and molar mass. 

85 g C25H52  x    1 mole    = 0.83 mol C25H52 
102 g 

4. Calculate the moles of CO2 formed using the molar ratios in the balanced 
equation.  The text calls this the Mole – Mole Factor (text p 231) 

0.83 mol C25H52  x  25 mol CO2   =  21 mol CO2 
1 mol C25H52 

5. Finally convert moles CO2 to grams using molecular mass of 44 g per mol 
(12x1 + 2x16) 

21 mol CO2  x  44 g CO2   = 920 g CO2 
mol CO2 

This method lets you do any number of possible calculations involving the reactants 
and products. You could calculate the grams of oxygen needed to burn the 85 grams 
of wax. You could do the calculation in the other direction as well. You could 
calculate the grams of wax that must burn to make 25 g of water. Just remember 
you take grams to moles using molecular mass and moles of one material to moles of 
another using the molar ratios of the balanced equation and then moles to grams 
again using the molecular mass. 

In the lab we will burn magnesium in air to form magnesium oxide. We know that 
the formula for magnesium oxide is MgO because magnesium makes 2+ cations and 
oxygen makes 2− anions. Today we will forget that for a while and put ourselves in 
the position of a chemist making something new. The formula can be determined 
from the moles of metal and moles of oxygen that combined to make the oxide 
product. 

This example does the calculation for the formula of rust. Iron combines with 
oxygen in the air to form rust. The equation shows that we don’t know rust’s 
formula.  Is it iron(II) oxide or iron(III) oxide?  We must find the values for x and y. 

X Fe + 0.5Y O2 FexOy 

Here is the data: 

Mass of iron before rusting 0.85 g 

Mass of rust formed 1.22 g 
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Mass of oxygen combined with iron in the rust 1.22 g – 0.85 g = 0.37 g 

Moles of Fe = 0.85 g x  1 mol  = 0.0152 mol Fe 
55.85 g 

Moles of O = 0.37 g x  1 mol  = 0.0231 mol O 
16.00 g 

The molar ratio of Fe to O in the rust is 0.0152 to 0.0231. Formulas are given as 
whole number numbers of atoms. The procedure to do this is to divide both values 
by the smaller. 

Fe 0.0152 mol = 1  mol Fe O 0.0231 mol = 1.52 mol O 
0.0152  0.0152 

The ratio is 1 Fe to 1.52 O. Atoms cannot be cut in half so the formula is Fe2O3. 
(Yes, multiplying 1.52 x 2 is 3.04. We are comfortable in rounding to 3 because we 
know the measurements of mass are not perfect. For these experiments you round 
to the nearest whole number when you are off by less than 0.1) 

Looking at the formula we can state that iron in rust is iron(III). 

Remember we began with this equation X Fe + 0.5Y O2  FexOy 

We now know that X = 2 and Y = 3 so 2 Fe + 1.5 O2 Fe2O3 

Two moles of iron combine with one and one half moles of oxygen to make one mole 
of iron(III) oxide. Because equations are also expressed as molecules and we cannot 
find half of an oxygen molecule in the air we can write the chemical equation for the 
rusting of iron this way as well 4 Fe + 3 O2 2Fe2O3 

Stoichiometry can be used with a decomposition reaction as well. Potassium 
chlorate is a compound of potassium, chlorine and oxygen. When heated to 400 °C 
it decomposes to potassium chloride and oxygen. 

 
∆ 

KClOx KCl + 0.5X O2  In the lab we will determine the value of X. 
 

Laboratory Activities 

Determination of Formula for Magnesium oxide 
Obtain a crucible and cover from the equipment cart. The crucible should be clean 
and dry.  Place a metal ring on a ring stand.  Place a clay triangle, found on the 
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cart, on the ring. Check to see that the triangle holds the crucible securely. If you 
have any problems with the crucible and triangle see your instructor for help. 

Place the ring stand in front of the hood 
opening and heat the empty crucible and 
cover for 1 minute with a Bunsen burner. 
This is to drive off any water or skin oils. 
After heating handle the crucible with 
crucible tongs only. Allow the crucible to cool 
for 5 minutes. Place a weighing paper on the 
balance and tare (re-zero) then determine the 
mass of the crucible and cover. Record this on 
the Report Sheet. Remember to handle the 
crucible with tongs. 

With the crucible on the balance add a small piece of magnesium ribbon.  These 
have been cut for you to be the size needed. Record the total weight. Determine the 
mass of the magnesium by difference and be sure it is between 0.15 and 0.30 g. If 
outside this range make the necessary adjustments by adding more or taking some 
away. 

Return the crucible (remember tongs) to the ring in front of the hood. Remove the 
cover for the initial heating. Put the cover on the bench top within easy access. Be 
sure you can use the tongs to manipulate the cover as the crucible will be very hot 
when it comes time to replace the cover. Heat the open crucible with the Bunsen 
burner.  Watch for the appearance of smoke or fumes indicating that the reaction 
has begun. When you observe smoke it is time to use the tongs to place the cover on 
the crucible.  This is an exciting moment.  Magnesium fires are extremely bright. 
Avoid looking directly at the flames should they appear before you get the cover in 
place. 

With the Bunsen burner properly adjusted for a hot blue flame and positioned with 
the flame tip touching the crucible the smoke should appear within a few minutes. 
You want a Bunsen burner flame 6 to 8 cm tall in which you see both the inner and 
outer blue cones. The tip of the flame should impinge on the bottom of the crucible. 
If you heat like this for 5 minutes without starting the reaction see your instructor. 

For good results all of the magnesium must burn. About every minute lift the cover 
to see what’s happening. Return the cover if you see flame or smoke. When the 
reaction appears over you can place the cover on a wire screen on the bench top but 
continue to heat the crucible for 5 more minutes.  After the additional 5 minutes it 
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is time to turn the burner off. Transfer the crucible to the wire screen on the bench 
top to cool to room temperature. Be certain the crucible is cool before you proceed to 
the next step. 

At the high temperature of burning magnesium, a reaction with nitrogen also 
takes place. The magnesium nitride formed needs to be converted to magnesium 
oxide to get the best results for the formula of magnesium oxide. The nitride is 
converted to oxide by reacting with hot water. 

Add 16 to 18 drops of water to the ash in the cool crucible.  Return the crucible 
with the cover to the clay triangle. Position the ringstand with the crucible in front 
of the hood opening. This is IMPORTANT as ammonium is given off as the 
magnesium nitride is converted to magnesium oxide. Relight the burner and heat 
gently for 5 minutes.  Check to see than the water has all evaporated at this point. 
If so, heat strongly for 5 more minutes. Once again allow the crucible and oxide 
contents return to room temperature. 

Do not weigh hot. Your measured mass will be off if it is still hot when weighed. 
Remember to use tongs when you take the cool crucible to the balance. Have a 
weighing paper on the balance when you determine the mass of crucible the cover 
and the magnesium oxide product.  Record this total mass on the Report Sheet. 
Determine the mass of oxygen combined with the magnesium by difference. 

Determine the moles of magnesium and oxygen in the oxide using 24.31 g/mol and 
16.0 g/mol for the atomic masses of Mg and O respectfully. Record your results on 
the Report Sheet. Your calculated moles of magnesium should be in range of 0.006 
to 0.012. Oxygen should be similar. You now have the molar ratio of magnesium to 
oxygen in magnesium oxide. The moles should be close to equal. How close your 
values are depends on a number of factors. Incomplete reaction, loss of material 
during water evaporation, how carefully you cleaned and handled the crucible, 
inaccuracies of the balance and outright weighing mistakes will all cause the ratio 
to be different than one to one. 

Convert the calculated moles to whole numbers by dividing both numbers by the 
smaller.  See the iron oxide example above for clarification if needed.  The formula 
is this whole number ratio. In writing the formula you can round to whole numbers 
if within 0.1. If more than 0.1 away from a whole number see your instructor for 
directions.  Put the formula you have determined for magnesium oxide on the 
Report Sheet. 
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Dispose of the magnesium oxide in the inorganic waste bag. A spatula can be used 
to scrap out the oxide if it adheres to the crucible. Wash and thoroughly dry the 
crucible in preparation for the next experiment. 

Determination of Oxygen in Potassium chlorate 
Place the ring stand in front of the hood opening and heat the empty crucible and 
cover for 1 minute with a Bunsen burner. This is to drive off any water or skin oils. 
After heating handle the crucible with crucible tongs only. Allow the crucible to cool 
for 5 minutes. Place a weighing paper on the balance and tare (re-zero) then 
determine the mass of the crucible and cover.  Record this on the Report Sheet. 
Remember to handle the crucible with tongs. 

 
Add manganese dioxide, MnO2, to the crucible until you have 0.4 to 0.50 g. Record 
the total weight on the Record Sheet. 

 
The manganese oxide will speed up the decomposition of the potassium chlorate. It 
does not itself change during the reaction. If desired we could recover manganese 
oxide from the potassium chloride at the end of the day. A compound which speeds 
up a reaction without itself being changed is called a catalyst. Manganese oxide is a 
catalyst for the decomposition of potassium chlorate.  A catalyst when present is 

∆  MnO2 

also shown with the reaction arrow. Thus KClOx 
reaction we are doing. 

KCl + 0.5X O2 is the 

 

Place 1.4 to 1.5 g of potassium chlorate in the crucible. Use a spatula to mix the 
manganese oxide catalyst and potassium chlorate well. 

 
Place the crucible on a clay triangle and set the cover slightly ajar. Place the ring 
stand with the crucible in front of the hood. Heat the crucible gently for 8 minutes, 
then strongly for 10 minutes. Be sure the inner-blue cone of the flame is just below 
the crucible bottom while you are heating strongly, and that the crucible bottom 
and/or clay triangle are heated to redness. Allow the crucible to cool to room 
temperature, which takes at least 10 minutes, and then weigh the crucible and 
residue. The residue consists of unchanged manganese oxide and potassium 
chloride liberated from the potassium chlorate. The oxygen gas made during this 
reaction escaped into the air. 

 
Let the crucible and contents cool completely. Do NOT weight while hot. You will 
get the wrong answer.  Once cool, weigh and record the mass on the Report Sheet. 

Complete the mass table in the Report Sheet. If you have any questions about how 
to find the masses by difference see the instructor. 



92  

Use 74.55 g/mol as the molar mass of potassium chloride to find the moles. Oxygen 
molecules, O2, were formed by the reaction. What we care about however are the 
moles of oxygen atoms which came from the KClOx. Find the moles of oxygen atoms 
using the atomic mass, 16.00 g/mole.  Record your results on the Report Sheet. 
Your calculated moles of potassium chloride should be in on the order of 0.01 moles. 
Oxygen should be about 0.03 moles. You now have the molar ratio of potassium 
chloride to oxygen in potassium chromate. There should be about one mole of 
potassium chloride per three moles of oxygen atoms. How close your values are 
depends on a number of factors. Incomplete decomposition, how carefully you 
handled the beaker with the tongs, inaccuracies of the balance and outright 
weighing mistakes will all cause the ratio to be different than one to three. 

Convert the calculated moles to whole numbers by dividing moles of oxygen bu 
moles of potassium. See your instructor is the result is less than 1.  Divide the 
moles of potassium chloride by the moles of potassium chloride. This answer will of 
course be 1.00. You now have the value of X in KClOx.  Round X to a whole number 
if it is within 0.1. If X is more than 0.1 away from a whole number see your 
instructor for directions. Put the formula you have determined for potassium 
chlorate on the Report Sheet 

Dispose of the residual solid in the inorganic waste bag. 
 
 
 
 
 
The word “stoichiometry” comes from the Greek word 
for element, stoikheion, and the suffix metry meaning to 
measure. 
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Name Section    
 
 

Report Sheet - Stoichiometry 

Determination of the Formula of Magnesium oxide 
Masses Record all masses to three decimal places. 

Empty crucible and cover (1)                             

Crucible, cover and Mg (2)    

Mass of Mg by difference (3)  (line 2 – line1) 

Crucible, cover and oxide (4)    

Mass of oxide by difference (5) (line 4 – line 1) 

Mass of oxygen by difference (6) (line 5 – line 3) 

Moles 

Moles of Mg    

Moles of O    

Molar Ratio 

Divide both moles by the smaller number of moles 
 

Molar Ratio Mg to O This should be close to 1 to 1. Your 
values will differ for a variety of reasons. The most common are; incomplete 
reaction, loss of material during water evaporation, inaccuracies of the balance or 
weighing mistakes. In writing the formula you can round to whole numbers if 
within 0.1. If more than 0.1 away from a whole number see your instructor for 
directions. 

Your formula for magnesium oxide    
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Determination of Oxygen in Potassium chlorate 
Masses Record all masses to two decimal places 

Empty crucible and cover    

Crucible, cover and MnO2    

Mass of MnO2 by difference  should be 0.4 to 0.5 g 

Crucible, cover, MnO2 and KClOx   

Mass of KClOx by difference  should be 1.4 to 1.5 g 

Crucible, cover, MnO2 and KCl      

Mass of KCl by difference  expect about .9 g 

Mass of O2 is mass KClOx minus mass KCl 

Mass of O2 by difference    
 
 
 

Moles 

Moles KCl      

Moles O atoms     

Molar Ratios 

Molar Ratio KCl to O     

 
 
 
 
 
 
This should be close to 1 to 3. 

Your values will differ for a variety of reasons. The most common are; incomplete 
decomposition, impure potassium chromate, inaccuracies of the balance or weighing 
mistakes. In writing the formula you can round to whole numbers if within 0.1. If 
more than 0.1 away from a whole number see your instructor for directions. 

Your formula for potassium chlorate    
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Composition of Air 
 

Introduction 
An understanding of the chemical nature of gases came relatively late in the 
development of chemistry. The recognition that many different gases exist, that air 
is a mixture of different gases and that gases are sometimes consumed and 
sometimes created during chemical reactions were all revolutionary discoveries. 
Today we take all of this for granted. 

The composition of air has 
been well defined. Because 
gases readily mix and the 
atmosphere is in constant 
motion the values given in 
the table for dry air are 
true around the world. 
Water content varies widely 
from as little as 0.1 volume 
percent in deserts and 
Polar Regions (think about 
why) to as much as 6 
volume percent in warm 
humid areas such as the 
Texas Gulf coast. Other 
components vary as well. 
You have heard reports of elevated ozone levels and know that carbon dioxide levels 
are increasing. Some gases not in the table are relatively high in certain spots. If 
you’ve ever been to Luling, Texas you may have encountered hydrogen sulfide. 
Sulfur dioxide levels are high in exhausts near coal fired power plants and active 
volcanos. You’re also aware of the vapor capture nozzles we use when pumping 
gasoline into our cars. These keep gasoline vapors from escaping to the 
atmosphere. 

The objective of this lab is to measure the amounts of oxygen and carbon dioxide in 
air. In the first experiment oxygen is removed from an air sample confined in a test 
tube by its reaction with iron. 

4 Fe(s)  +  3 O2 (g) 2 Fe2O3 (s) 

Composition of Dry Air 
Substance Volume % 
Nitrogen 78.08 
Oxygen 20.95 
Argon 0.93 

Carbon dioxide 0.033 
Neon 0.0018 

Helium 0.00052 
Methane 0.0002 
Krypton 0.00011 

Dinitrogen monoxide 0.00005 
Hydrogen 0.00005 

Xenon 0.0000087 
Ozone 0.000001 

Source                           
http://scifun.chem.wisc.edu/chemweek/pdf/airgas.pdf 

7/3/12 
 

http://scifun.chem.wisc.edu/chemweek/pdf/airgas.pdf
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The formation of solid iron(III) oxide reduces the amount of gas in the test tube and 
the pressure in the tube decreases. You will see in the procedure how the decrease 
in pressure allows for the determination of the original volume of oxygen gas. 

Did you recognize the reaction of iron and oxygen as the formation of rust? Rust is 
the common name for the Fe2O3 product. It happens all of the time.  The problem 
(or the advantage depending on the circumstances) is that the reaction is slow. We 
may have to wait overnight to get the results. Listen carefully to the instructor’s 
oral instructions about how to properly leave your experimental set-up. 

There is a lot of oxygen in the air. There is on the other hand a small amount of 
carbon dioxide. The table gives a value of 0.033 volume percent. In May 2012 
NOAA’s Mauna Loa Observatory reported 0.039678 volume percent 
(http://www.esrl.noaa.gov/gmd/ccgg/trends/ 8/24/16). While this is a small number 
we can get close in our measurement using NaOH to react with the CO2 present. 
The value reported in June 2016 was 0.040681 volume percent. This trend is real 
and a real problem for all of us. 

The reaction transfers the gas into solution. 

CO2 (g) + NaOH(aq) NaHCO3 (aq) 

Again removing gas lowers the pressure. This time a “straw” arrangement is used 
to see by how much the pressure is lowered. The partial pressure of a gas is 
equivalent to its partial volume. The pressure reduction is determined by how 
much pressure is exerted by the water supported in the straw. 

 
Laboratory Activities 

Oxygen Content of Air 
Obtain the following equipment; 

• a large test tube 
• ring stand 
• clamp to connect the tube to the stand 
• 250 mL beaker 
• graduated cylinder 

Fill the test tube to the brim with water. Pour the water into the graduated 
cylinder. This measures the volume of the test tube. It is the volume of air that 
will be trapped in the tube.  While the tube is still wet, sprinkle in iron filings. Fill 

http://www.esrl.noaa.gov/gmd/ccgg/trends/
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Iron Filings 

the 250 mL beaker with water. Place the beaker on the ring stand platform. Invert 
the test tube and immerse the open end in the 
water.  Clamp the tube securely. 

It should look like this. Prepare a label containing 
your name, CHEM 1405, your section and the date. 
Attach the label to the test tube. Leave the setup as 
directed by your instructor. 

As the iron reacts with the air oxygen gas is 
consumed.  Water rises into the tube to take the 
place of the oxygen gas (see figure below). Mark the 
top of the water in the tube before taking the tube 
from the beaker. Disassemble the equipment.  Fill 
the tube to the mark. This is the volume of gas 
remaining after the oxygen was consumed.  The vast 
majority of the volume measured is nitrogen. Record the remaining gas volume on 
the record sheet. 

 
 
 
 
 
 
 
 
 
 
 
 
 

Mark Here 
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Carbon Dioxide in the Room and in Freshly Expired Air 
For this experiment gather the following equipment, 

• 250 mL Erlenmeyer flask 
• small shell vial (a short test tube with a flat bottom) 
• long stem funnel 
• two holed stopper to fit flask containing one longer and one shorter rubber 

hoses 
• 250 mL beaker 
• a centimeter ruler 

Carbon Dioxide in the Room Air 
Stand the shell vial in the flask.  Use a long stem funnel to slowly add to the vial 6 

M NaOH stopping when the vial is about ¾ full.  Do not 
over fill the vial. If the NaOH solution overflows, STOP. 
Clean the flask with lots of water and begin again. Add the 
minimum amount of mineral oil to completely cover the 
NaOH solution.  It will take a few drops, one or two 
perhaps, certainly no more than four.   You have to be 
careful not to tip over the vial before you are ready. You are 
not ready yet. 

 
 
 
 
 
 

The flask and contents now look like this. Obtain a 
rubber stopper fitted a short rubber hose on one 
short glass rod and a longer rubber hose fitted with 
a piece of glass tubing as long or longer than the 
Erlenmeyer is tall.  The short rubber hose must 
have a clamp than can close the hose. Take the 
clamp off for now. Fill a 250 mL beaker with water. 
The beaker should have about 200 mL of water. 

Oil 
NaOH 
sol’n 
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Put the stopper on the flask 
taking care not to spill the vial of 
NaOH solution. You should have 
something like this. Remember if 
the vial falls over you have to 
clean it out and start again. The 
glass tube is placed into a beaker 
of water. The water will rise up 
the tube when the short rubber 
tubing is clamped closed and the 
vial is tipped over exposing the 
NaOH to the CO2 in the air 
trapped in the flask. 

 
 
 
 
 

After clamping the short rubber hose closed, tip the vial over.  As the CO2 reacts 
with the NaOH it is converted to 
NaHCO3 which is no longer a gas. 
Because gas is consumed the 
pressure in the flask drops. 

Clamp after 
placing glass 
tube into water 
and before 
tipping vial 

Atmospheric pressure will push 
water up the glass tube as shown. 
Measure the distance the water 
rises above the level in the beaker. 
Record the distance in the Report 
Sheet. 

The water rose because the 
pressure of the CO2 dropped to 0. 
Water rose in the tube until the 
pressure of the water in the tube 
equaled the original CO2 pressure. 

Standard atmospheric pressure is equal to the pressure of a column of water 10.412 
meters high, just a bit over 34 feet.  Barometers use mercury instead of water. 
Because of its greater density a column of mercury 760 mm high, just short of 2.5 
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feet, equals one standard atmosphere. The class will be provided with the 
measured atmospheric pressure. It will be close but not equal to 760 mm Hg 
depending on the weather. The CO2 measured in mm H2O is converted to mm Hg 
with the conversion factor of 13.7 mm H2O equals 1.00 mm Hg. Percent CO2 is P 
CO2 divided by atmospheric pressure times 100%. 

Complete the Record Sheet for the carbon dioxide in room air. 

Carbon Dioxide in Expired Air 
This is a repeat of what was just done except the flask will be filled with expired air. 
To do this first clean the flask with copious amounts of water.  Replace the shell 
tube and fill with 6 M NaOH and oil as before. Stopper the flask and place the glass tube in 
the beaker of water.  Before clamping the short rubber hose place a fresh straw into the short 
hose. Take a deep breath and hold it as long as you can without getting light headed. Let your 
breath out slowly into the straw. If the straw fits the rubber hose as it should you will see gas 
bubbling in the beaker of water.  Repeat 3 or 4 times.  Use a second straw if both partners want 
to take part in this. Once the flask is full of expired air clamp the short rubber hose then tip the 
shell vial and take the measurement of water height as before.  Calculate the percent CO2. 
Record the measurements and calculations in the record sheet. 
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Name  Section    
 
 

Report Sheet – Composition of Air 

Oxygen Content of Air 
Volume of large test tube (Record on day 1) 

 
 
 
 

Volume of gas after consumption of oxygen (Record on day 2) 
 
 
 
 

Volume of oxygen consumed (by difference) 
 
 

Percent oxygen determined by experiment 
 
 

Percent error 
(percent error = │Accepted Value –Experimental Value│÷ Accepted Value x 100% 

 
 
 
 
 
 
 

What do you think contributed to the error? 



102  

Carbon Dioxide Content of Air 

Room Air 
Height of water column above surface in beaker measured in mm 

 
 
 
 
Pressure exerted by water column  P = height H2O x 1 mm Hg 

13.7 mm H2O 
 
 
 
 
Original Pressure of CO2 in room air (equal to pressure of water calculated above) 

 
 
 
 
Atmospheric Pressure 

 
 
 
 
Percent CO2 in room air =  P of CO2 measured  x  100 % 

Atmospheric P 
 
 
Expired Air 
Height of water column above surface in beaker measure in mm 

 
 
 
 
Pressure exerted by water column  P = height H2O x 1 mm Hg 

13.7 mm H2O 
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Original Pressure of CO2 in expired air (equal to pressure of water calculated above) 
 
 
 
 
Atmospheric Pressure 

 
 
 
 
Percent CO2 in expired air =  P of CO2 measured  x  100 % 

Atmospheric P 
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Investigating Properties of Solutions 
 

Introduction 
Solutions come in many forms. Regardless of the form, the solution is a 
homogeneous (the same composition throughout) mixture (not a pure substance) in 
which one substance is uniformly dispersed in another. Generally the substance in 
lesser amount is considered to be dispersed in the substance in greater amount. 
The dispersed substance is called the solute. The substance in which the solute is 
dispersed is called the solvent. 

Solutions themselves might be gases, liquids or solids. 
 

Solution Solution Phase Solute Solvent 
Common Brass Solid Copper (a solid) Zinc (a solid) 

Sea Water Liquid Mainly NaCl (a solid) Water (a liquid) 
Auto Antifreeze Liquid Propylene Glycol (a liquid) Water (a liquid) 

Carbonated Water Liquid Carbon dioxide (a gas) Water (a liquid) 
Air Gas Mainly Oxygen (a gas) Nitrogen (a gas) 

 
Many familiar solutions contain several solutes. Air is an example. Nitrogen is in 
the greatest amount and is thus the solvent for all the other gases present. Like air 
many familiar solutions contain several solutes. Ocean water (a number of solute 
salts dissolved along with the gases oxygen and carbon dioxide in the solvent 
water), coffee (the solutes caffeine and compounds that add flavor dissolved in 
water), beer (ethanol and compounds that add flavor dissolved in water) and 
gasoline (because there so many different organic compounds present and the fact 
that the composition varies depending on location, environmental concerns, and 
season, there are more high boiling components in summer than winter, that 
deciding the solvent is impossible) are examples. Stainless steel (chromium, 
manganese and a trace of carbon dissolved in iron) and 18 carat gold (silver and 
copper dissolved in gold) are solid solutions with more than one solute. 

For a solution to form solvent molecules must surround and separate solute 
molecules or ions. Separating the solute particles requires energy. The energy 
comes from solvent solute interactions. These interactions require that particles be 
similar. Solvent molecules can be either polar or nonpolar. Polar solvents are like 
water in which the oxygen atom has a partial negative charge (δ−) while the 
hydrogen atoms are partially positive (δ+).  Nonpolar solvents lack this “charge 
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separation” in their molecules.  The organic solvent toluene used in paint thinners 
is a nonpolar solvent. An interesting nonpolar solvent sometimes used in model 
airplane glue and varnish removers is limonene obtained from orange peels. Both 
toluene and limonene are hydrocarbons. You may have heard that “like dissolves 
like”. In this instance “like” means either polar or nonpolar. Water and other polar 
solvents dissolve polar and especially ionic compounds. Nonpolar solvents dissolve 
things like oils and grease. 

Things that dissolve in water fall into one of two classes called electrolytes and 
nonelectrolytes. 

When electrolytes dissolve they produce ions. Some electrolytes separate 
completely into ions. These are strong electrolytes. Weak electrolytes in solution 
are only partially ionized existing as mixtures of molecules and ions. Sodium 
chloride in your sports drink is a strong electrolyte. Acetic acid in a bottle of 
vinegar is a weak electrolyte. 

 

 
Strong Electrolyte NaCl 

H2O  
Na+(aq)  +  Cl−(aq)  Completely ionized 

 

 
Weak Electrolyte CH3COOH(aq) 

H2O  
CH3OO−(aq)  +  H+(aq)  Partially Ionized 

 

Nonelectrolytes on the other hand when dissolved are only molecules surrounded by 
solvent molecules. Sugar in iced tea and caffeine in a cup of coffee are 
nonelectrolytes. 

 
 

C12H22O11 

H2O  
C12H22O11(aq) 

 
 

C8H10N4O2 

H2O  
C8H10N4O2(aq) 

 

Distinguishing nonelectrolytes from strong and weak electrolytes is easily done by 
observing how the solution conducts electricity. No conductivity, the solute is a 
nonelectrolyte. Electrolytes conduct electricity, a little if the solute is a weak 
electrolyte; a lot is it is a strong electrolyte.  See your text for an illustration. 

There is a limit to the amount of solute that can be dissolved in a given amount of 
solvent. The limit, known as the solubility of the substance, depends on the solute, 
the solvent and the temperature. When the solute is a gas the pressure is also 
important.  When the upper limit of solubility is reached the solution is said to be 
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saturated. At this point any additional solute added to the solvent remains 
undissolved. Some people like their tea so sweet they add sugar until there is solid 
in the bottom of the glass. This tea is saturated with sugar. Before the solubility 
limit is reached the solution is said to be unsaturated. 

The amount of solute in a given amount of solution is called the concentration. 
There are many ways to express concentration. Here are some commonly 
encountered. 

 
Concentration Solute Solution Applications 
Percent (m/m) Mass Mass Allied Health Professions 
Percent (m/v) Mass Volume Pharmaceuticals 
Percent (v/v) Volume Volume Food Industry & Medicines 

mEq/L Milliequivalents Volume (Liter) Body Fluids 
Molarity Moles Volume (Liter) Chemical Laboratories 

Parts per Million Mass (mg) Mass (kg) Pollution Studies 
 
 
Laboratory Activities 

Percent (m/m) Concentration of Salt Solution 
Place a 400 mL beaker containing about 300 mL of water on a hot plate and bring 
the water to a boil.  While the water is heating determine the mass of an 
evaporating dish and record on the Record Sheet (Line 1). Carefully measure 10.0 
mL of salt solution using the 10 mL graduated cylinder. Pour all of the solution into 
the dish careful not to spill any during the transfer. Weigh the dish containing the 
solution and record. Find the mass of solution by subtracting the weight of the dish 
from the dish with solution.  Record this mass on the Record Sheet (Line 2) 

Mass of solution (Line 3) = mass dish with solution – mass of dish 

Place the dish on top of the beaker and allow all of water to evaporate. 

You can work on the other activities while the water is evaporating but check on it 
from time to time.  You don’t want the contents to splatter out while being heated. 

When all of the water is gone, leaving dry salt, use tongs to remove the dish from 
the beaker. Let it cool to room temperature. When the dish is cool dry the bottom. 
Place it directly on the hot plate and heat to completely dry the salt. Give it at least 
10 minutes on the hot plate. 
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Let the dish cool to room temperature. Record the weight of dish and salt on the 
Record Sheet Line 4). The weight of the salt is the difference between the two 
weighs. 

 

Mass of salt (Line 5) = mass dish with salt – weight of dish 

Use the mass of salt and mass of solution to determine the percent (m/m) 
concentration. (Line 6) 

% (m/m) concentration = mass salt   x 100% 
mass solution 

 
Determination of Solubility 
In this activity you will determine the solubility of oil, vinegar, salt and sugar in 
water as well as the solubility of salt in oil. 

Obtain 5 small test tubes. Add about 2 ml of water to 4 of the tubes. Add about 2 
ml of cooking oil to the 5th. 

Add about 1 mL of cooking oil to a tube with water and mix well. Record what you 
observe on the Record Sheet. 

Add about 1 mL of vinegar to the second tube of water and mix well. Record what 
you observe on the Record Sheet. 

Add about 0.5 g NaCl to the 3rd tube of water and mix well. Record your 
observations. Add another 0.5 grams of NaCl. Record your observations. If the 
solution remains clear add another 0.5 g NaCl. Repeat until the solution is 
saturated. 

Add 1 g of table sugar (sucrose) to the 4th tube of water and mix well. Record your 
observations. Add another gram of sugar, mix and record observations. Is there 
solid at the bottom of the solution? If not add another gram. Repeat until the 
solution is saturated. 

Add about 0.25 g of NaCl to the oil. Mix and record your observations on the Record 
Sheet. 

Concentrations of Intravenous Fluids Expressed as mEq/L 
Body fluids, both cellular and extracellular are solutions containing many different 
components. Maintenance of the proper levels of positive (cations) and negative 
(anions) ions is essential to health.  Strong electrolytes supply the ions.  The total 
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positive charge always equals the total negative charge. While +1 and −1 are 
common other charges are present. 

 
Ion Biological Function 

Potassium K+ Potassium ion’s main function in animals is osmotic 
balance, particularly in the kidneys. 

Sodium Na+ Sodium ions have a role similar to potassium ions. 
Chloride Cl− Balances charge of Na+ and K+ 

Iron Fe2+ and Fe3+ Key to function of hemoglobin, the main oxygen 
carrying molecule in our blood. 

Carbonate CO32− In blood approximately 85% of carbon dioxide, is 
converted into aqueous carbonate ions (an acidic 
solution), allowing a greater rate of transportation. 

Calcium Ca2+ Calcium is a component of bones and teeth. It also 
functions as a biological messenger 

Phosphate PO43− Important to energy storage in cells. 
Magnesium Mg2+ Most importantly, magnesium ions are a component 

of chlorophyl 
 
It is common to express ionic concentrations as the equivalents per liter of solution. 
An equivalent is the amount of ion which gives one mole of charge.  Concentrations 
of electrolytes in biological systems are more conveniently expressed as mEq/L. 
Several types of intravenous solutions are on the supply cart. Record the electrolyte 
concentrations on the Report Sheet. By convention if no unit is stated it is 
understood to be mEq/L. 

There are always equal amounts of total of positive and negative charge in 
electrolyte solutions. Not equal number of positive and negative ions but total 
positive and negative charge. On the Report Sheet sum the positive and negative 
charge found in one liter of solution to show this is the case. If your sum is not 0, 
see the instructor to determine why. 

Electrolytes and Nonelectrolytes (A Demonstration) 
In this demonstration the conductivity of aqueous solutions will be tested. 
Electrolyte solutions conduct electricity, nonelectrolytes do not.  On the Report 
Sheet record what you see when the test device is immersed in the solutions. In the 
conclusion column tell if the compound tested in a strong electrolyte, a weak 
electrolyte or a nonelectrolyte. 
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Name   Section    
 
 

Activity Sheet –Investigating properties of Solutions 

Percent (m/m) Concentration of Salt Solution 
 

Mass of evaporating dish  (Line 1) 
 
 

Mass of dish and solution  (Line 2) 
 
 

Mass of solution  (Line 3) 
(Mass of dish & sol’n – mass of dish) 

 
 

Mass of dish and salt  (Line 4) 
 
 

Mass of salt  (Line 5) 
(Mass of dish & salt – mass of dish) 

 
 

Percent (m/m) of Salt Solution  (Line 6) 
[(mass of salt ÷ mass of sol’n) x 100%] 
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Determination of Solubility 
Tube Solute Solvent Observations Soluble/Insoluble 

 
1 

 
Oil 

 
Water 

  

 
2 

 
Vinegar 

 
Water 

  

 

3 

 

Salt 

 

Water 

  

Solubility Limit 

 

4 

 

Sugar 

 

Water 

  

Solubility Limit 

 
5 

 
Salt 

 
Oil 
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Concentrations of Intravenous Fluids Expressed as mEq/L 
 

Bag 1 Name                                         

Positive Ions 

Concentration Any Others 
 
 
 

Concentration    
 
 
 

Concentration    
 
 
 

Total Positive Charge    

Negative Ions 

 
 

Concentration Any Others 
 
 
 

Concentration    
 
 
 

Concentration    
 
 
 

Total Negative Charge    
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Bag 2 Name                                              

Positive Ions 

Concentration Any Others 
 
 
 

Concentration    
 
 
 

Concentration    
 
 
 

Total Positive Charge    

Negative Ions 

 
 

Concentration Any Others 
 
 
 

Concentration    
 
 
 

Concentration    
 
 
 

Total Negative Charge    
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Electrolytes and Nonelectrolytes (A Demonstration) 
Solute Observation Conclusion 

Solid NaCl (not a 
solution) 

  

1.0 M acetic acid Aq. 
Sol’n 

  

 
O.1 M NH4Cl(aq) 

  

25% (v/v) ethanol Aq. 
Sol’n 

  

 
0.1 M glucose Aq.Sol’n 

  

 
0.1 M HCl(aq) 

  

 
0.1 M NaCl(aq) 

  

 
0.1 M NaOH(aq) 

  

 
0.1 M sucrose Aq. Sol’n 
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Extent of Solubility − Soluble and 
Insoluble Salts 

 
Introduction 
What happens when you put a solid into water? Perhaps it floats. More often it 
sinks to the bottom. Sometimes, when you stir it up is disappears. The solid isn’t 
gone. It is in solution. As the solid dissolves it separates into smaller and smaller 
units until it can no longer be seen even with the most powerful of microscopes. 

Today we are investigating ionic solids and their behavior in water. Chemists 
consider most ionic solids to be salts. Sodium chloride, what we use in the kitchen 
and at the dinner table, is such a salt. You have probably put table salt into water 
at one time or another. If so you may have observed that it dissolves but for a glass 
or a pan of water there is a limit to how much will dissolve. This is called the 
solubility of sodium chloride. Change the temperature and you change the 
solubility.  For ionic salts increasing the temperature increases the solubility. 

A common way to express solubility is the grams of salt that dissolve in 100 mL of 
water at a given temperature. When the solution contains fewer grams that the 
solubility allows it is said to be unsaturated. Trying to add more grams than the 
solubility results in a saturated solution where the extra salt remains as a solid. 

There are a number of terms you should know to intelligently discuss solutions. 
Solutions are homogenous mixtures. The solvent is the largest component in the 
mixture. Today water is the solvent. Solutions where water is the solvent are called 
aqueous solutions. The component in smaller amount is called the solute. A 
solution, sea water for example, can have more than one solute but there is only one 
solvent. Saturated and unsaturated solutions are defined above. Solubility is the 
maximum number of grams of solute that dissolve in a given amount of solvent. As 
stated above, grams of solute in 100 g solvent is commonly used. Remember that 
solubility changes with temperature. Concentration is the amount of solute in a 
given amount of solution.  Chemists very often talk about molar concentrations. 
Molar concentrations (Molarity) are expressed as moles of solute per liter of 
solution. 
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There is great variation in salt solubility as can be seen in the table. 
 
 
 

Solubility at 20 °C 
Ionic Salt g/100mL water 

Sodium chloride NaCl 35.89 
Aluminum chloride AlCl3 45.8 
Lead(II) chloride PbCl2 1.00 

Silver chloride AgCl 0.00019 
Sodium carbonate Na2CO3 21.5 

Calcium carbonate CaCO3 calcite 0.000617 
Magnesium sulfate MgSO4 33.7 
Strontium sulfate SrSO4 0.0132 
Lithium hydroxide LiOH 12.8 

Magnesium hydroxide Mg(OH)2 0.000963 
 
 

When the solubility is very low (less than 0.015 g/100 mL water at room 
temperature) the material is said to be insoluble. Most ionic compounds but 
certainly not all are soluble in water. Measurements with a large number of salts 
have shown that there are a few rules that summarize solubility behavior. The 
rules are shown here. 

 
1. All common compounds of Group I (alkali metals) and ammonium ions are 

soluble. 
2. All nitrates, acetates, and chlorates are soluble. 
3. All binary compounds of the halogens (other than F) with metals are soluble, 

except those of Ag, Hg(I), and Pb.  Pb halides are soluble in hot water. 
4. All sulfates are soluble, except those of barium, strontium, calcium, lead, silver, 

and mercury (I). The latter three are slightly soluble. 
5. Except for rule 1, carbonates, hydroxides, oxides, silicates, and phosphates are 

insoluble. 
 
The solubility rules are useful in predicting what solid, if any, might precipitate upon mixing 
aqueous solutions. 

 

Laboratory Activities 

Preparation of Insoluble Salts 
In this activity small amounts of aqueous solutions are mixed to form insoluble 
salts. The formation of a solid precipitate indicates that an insoluble salt has been 
made.  All of the solutions used today are strong electrolytes.  This means that in 



 

solution everything which dissolves becomes separated ions. In the solution the 
cations (positive ions) and anions (negative ions) are separated by water molecules 
and remain in solution even if they do encounter one another. Upon mixing the 
cations of one salt encounter the anions of the other. If the compound formed by 
this encounter is insoluble a solid will form. This solid is called a precipitate and 
the reaction is termed a precipitation reaction. 

For example it is easy to prepare aqueous solutions of calcium chloride and sodium 
phosphate. The solubility rules predict this because all chlorides except for AgCl, 
Hg2Cl2 and PbCl2 are soluble and all sodium (a group I metal) salts are soluble. 
When these solutions are mixed a precipitate, a solid insoluble salt, is formed. The 
chemical equation is written as shown below. 

3 CaCl2 (aq) + 2 Na3PO4 (aq) Ca3(PO4)2 (s)  + 6 NaCl(aq) 

In the lab you will mix solutions to see what happens. This mixture is done on a 
small volume in what is known as a spot plate. Your instructor will show you what 
this is. Place five drops of the first solution in a spot plate well.  Add five drops of 
the second and look for the formation of a precipitate.  The precipitate will be seen 
as cloudiness in the originally clear solutions. There is a Table in the Report Sheet 
to record your observation. Listen to your instructor carefully. You may be asked to 
test all six cations OR you may be asked to test only one cation and share your 
results with the class. 

After the testing is complete the well plate is emptied in the tub provided. Rinse 
the well plate thoroughly and set it to dry on the mats provided on the center 
laboratory bench. 

Measuring Solubility of Potassium Nitrate 
Solubility as stated above is the amount of a compound which will dissolve in a 
given amount of solvent. The goal of this activity is to determine the amount of 
potassium nitrate (KNO3) which will dissolve in 100 mL of water. The way we’ll go 
about this will also generate a graph of the temperature dependence of the KNO3 

solubility. 

Listen carefully to your instructor. Each pair of students will be assigned a target 
amount of KNO3 to investigate. Weigh out something close (within 0.2 g of your 
target) and place in a large test tube. Accurately add 5.0 mL of water to the tube. 
Mix the contents for a few minutes. If all of the KNO3 dissolves at this point see the 
instructor for additional information. It is really unlikely that your KNO3 will be 
dissolved at this point.  Prepare a hot water bath by adding about 300 mL of water 
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to a 400 mL beaker and heat on a hot plate. Clamp the test tube with the KNO3 

water mixture in the hot water bath. Watch for the KNO3 to completely dissolve. 
When it does carefully remove the tube (it is hot) from the bath.  Use a 
thermometer to gently stir the KNO3 solution watching for solids to reappear. As 
soon as you see solids note the temperature. Formation of solids indicates that the 
solution is saturated. It can no longer hold all of the KNO3 in solution. Since you 
know the amount of KNO3 and water in the tube you now know the solubility of 
KNO3 at the temperature when the solids appeared. The solubility is greater above 
that temperature. That is why everything was dissolved.  The solubility is less 
below that temperature. You might see the amount of solid increase as the tube 
continues to cool.  It is a good idea to confirm the observed temperature by 
reheating the tube to again completely dissolve the KNO3 and re-cooling to check 
your temperature of solid formation. Do this until you are confident in the 
measurement. 

This experiment measured the solubility as grams KNO3 per 5 mL water. Multiply 
your result by 20 to find solubility in grams KNO3 per 100 mL water. Report your 
KNO3 solubility value to your instructor. 

Complete the data table in the Report Sheet.  Use all of the class data for the graph. 

Testing for Water Hardness 
Soaps are very interesting molecules. They dissolve in water because part of the 
molecule is like an ionic salt. They remove dirt and oils from bodies, fabrics and 
surfaces because part of the molecule doesn’t like being in the water and forms tiny 
“oily” droplets dispersed in the water where the dirt and oils accumulate. Soap 
solutions foam because the part of the soap molecule that is incompatible with 
water comes to the surface and makes a thin film. 

The behavior of soap varies depending on the water. When the water contains little 
or no calcium (Ca2+) or magnesium (Mg2+) ions the water is called soft.  Soaps foam 
a great deal in soft water. Water containing Ca2+ and Mg2+ ions is called hard. In 
hard water the soap forms a precipitate which you know as soap scum. 

Why is water called soft and hard depending on the formation of soap scum? Two 
explanations can be found. Cleaning is hard to do with hard water because the soap 
is not active. This seems like a reasonable explanation but then water without the 
Ca2+ and Mg2+ should be called easy water not soft. The second possibility traces 
back to the American Civil war where soldiers reported differences in cooking beans 
when different water sources were used. Sometimes the cooked beans were soft, 
sometimes hard.  The soldiers called the different waters soft and hard. 

120 
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(http://en.wikipedia.org/wiki/Talk%3AHard_water 8/24/16). The website wouldn’t 
fully endorse this etymology but it is an interesting story that might contain a grain 
of truth. Anyone what to do an experiment with beans to determine the difference, 
if any? 

In today’s lab different waters will be tested for hardness. The test consists of 
adding soap until the foam behavior is similar to water which contains essentially 
no metal ions. 

Place 50 mL of water into a 250 mL Erlenmeyer flask. Add one drop of soap 
solution. Stopper the flask and shake for 10 seconds. The deionized water should 
now contain a mass of suds which gradually fades away. Add a second drop of soap 
solution if just a few suds are present in the deionized water. Shake the mixture 
again for 10 seconds and observe the suds. Keep this flask as a reference for the 
other waters. What you want to do is add soap solution a drop at a time and shake 
for 10 seconds until you get the same amount of suds as in the deionized water with 
one or two drops.  It may be helpful to shake the deionized water soap mixture at 
the same time as the test for side by side comparisons. Keep track of the number of 
drops required to “suds” the water being tested. If you have no or just a few suds 
after adding 25 drops discontinue that test. The water in sure a case is very hard. 
Some waters will not “suds” at all. Many waters will form suds while being shaken 
but the suds rapidly collapse when the shaking stops. The difference is the 
concentrations of Ca2+ and Mg2+ ions, in other words, the hardness of the water. 
Add drops of soap solution until the suds form and remain like the control. 

Complete the Table in the Report Sheet for water hardness. Consider the water 
hard if more than 5 times the number of drops in the Control is required to “suds” 
the water. 

Water Treatment 
Water treatment is done to remove improve water quality by removing undesirable 
ions and suspended solids. Cations are removed by precipitation. Suspended solids 
are removed by aggregating the very fine solids into larger particles. The larger 
particles can be filtered or allowed to settle to the bottom. Water treatment plants 
add a chemical solution to cause the precipitation and clarifying agents (called 
flocculates) to cause the aggregation. In today’s lab we will test three potential 
water treatment chemicals for their ability to clean up muddy water. 

Add 10 mL of muddy water to four large test tubes. The chemicals to be tested are 
water (a control), 1 % NaCl aqueous solution, 1 % Al2(SO4)3 aqueous solution, and 1 
% Na2SO4 aqueous solution.  Add 5 mL of each test solution to one tube of muddy 

http://en.wikipedia.org/wiki/Talk%3AHard_water
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water. Allow the tubes to stand undisturbed and observe the results. Follow what 
happens over 45 minutes. Record what you observe in the Record Sheet. Use these 
abbreviations for what you see. 

• NS for No Settling, Still Muddy 
• BS (it’s not what you think) for Beginning to Settle, Still Muddy 
• SS for Some Settling, Cloudy 
• MS for Mostly Settled, Slightly Cloudy 
• SC for Settled Clear 

 
 
 
 
 
 
 
 

Chemistry wisdom from an old chemist 

To be a part of the solution make sure you participate 
but by all means don’t precipitate. 
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Name   Section    
 

Report Sheet – Soluble and Insoluble Salts 

Preparation of Insoluble Salts 
 
 

Anion 
 

Cation 

Acetate 
C2H3O2− 

(NH4C2H3O2 

Solution) 

Carbonate 
CO32− 

(K2CO3 
solution) 

Chloride 
Cl− 

(CaCl2 
solution) 

Hydroxide 
HO− or 
−OH 
(NaOH 
Solution) 

Nitrate 
NO3− 

(AgNO3 
Solution) 

Sulfate 
SO42− 

(MgSO4 
solution) 

Ammonium 
NH4+ 

(NH4C2H3O2 

Solution) 

 
Known to 
be soluble 

     

Calcium 
Ca2+ 

(CaCl2 
solution) 

  Known 
to be 

soluble 

   

Magnesium 
Mg2+ 

(MgSO4 
solution) 

     Known 
to be 

soluble 

Potassium 
K+ 

(K2CO3 
solution) 

 Known 
to be 

soluble 

    

Silver 
Ag+ 

(AgNO3 
Solution) 

    Known 
to be 

soluble 

 

Sodium 
Na+ 

(NaOH 
Solution) 

   Known 
to be 

soluble 

  

 
 

Do your results agree with the Solubility Rules? 



 

Measuring Solubility of Potassium Nitrate 
Measurements done with KNO3 in 5 mL water 

 
Grams 
KNO3 
Target 

Grams KNO3 
Used 

(+/- 0.2g of 
target) 

Temperature 
(°C) Crystals 

Appeared 

Solubility 
g KNO3 per 5 

mL water 

Solubility 
g KNO3 per 100 

mL H2O 

2.0     
2.5     
3.0     
3.5     
4.0     
4.5     
5.0     
5.5     
6.0     
6.5     
7.0     

 
Solubility of KNO3 
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Testing for Water Hardness 
“Suds” Test for Water Hardness 

 
Water Tested Drops to “Suds” Rating Hard or Soft 

 
Deionized (Control) 

 
 

(Should be just 1 or 2) 

 
Soft by Definition 

 
Distilled 

  

 
Tap 

  

 
Lab Prepared # 1 

  

 
Lab Prepared # 2 

  

 
Lab Prepared # 3 
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Test of Water Treatment Additives 
Record your observations on water treatment here. 

 
Chemical 

Treatment 
Applied 

Initial 
Appearance 

Appearance after 
15 min 

Appearance after 
30 Minutes 

Appearance 
after 

45 minutes 
H2O     
NaCl     
Al2(SO4)3     
Na2SO4     

Use NS for No Settling, Still Muddy, BS (it’s not what you think) for Beginning to 
Settle, Still Muddy, SS for Some Settling, Cloudy, MS for Mostly Settled, Slightly 
Cloudy, SC for Settled Clear 

Did the treatment make any difference in the time to clarify the muddy water? 
 
 
 
 
What treatment(s) sped up the clarification? 

 
 
 
 
What treatment(s) made no difference? 
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Solutions with H+aq Ions (Acids), 
Solutions with HO−aq Ions (Bases) and 
the Concept of pH 

 
Introduction 
Acids and bases are part of our everyday lives. They are used in cooking and 
cleaning. Without acids and bases and a way to control their concentrations life is 
not possible. 

Acids have a sour taste (lemon juice contains an acid), produce a stinging feeling on 
the skin (think fire ants), turn the plant dye known as litmus red (more about 
litmus below) and destroy the properties of bases in what is known as a 
neutralization reaction. Bases have a bitter taste (mustard contains a base), feel 
slippery on the skin (think of soaps), turn litmus blue and destroy the properties of 
acids. 

When dissolved in water acids hydrolysis (separate into ions) to form hydrogen ions, 
H+(aq).  Bases hydrolysis to form hydroxide ions, HO−(aq) when dissolved in water. 
The property destroying neutralization reaction of acids and bases is simply the 
combination of hydrogen ion with hydroxide ion to form water. 

H+(aq) + HO−(aq) H2O(l) 

Some compounds are sensitive to the presence of hydrogen and/or hydroxide ions. 
The color of such compounds is different depending on the presence of acid or base. 
These compounds are called acid base indicators or pH (more on pH below) 
indicators. The litmus dye, generally just called litmus, is an example. It is red 
when there are lots of H+ ions present.  Litmus is blue when H+ ions are absent. 
Paper impregnated with litmus is used in all chemistry laboratories. When litmus 
paper is used a drop of the suspect solution is added to the paper. Phenolphthalein 
is another common indicator.  It is normally found in the lab as a dilute solution. 
Just a drop is added to a solution to be tested. Since phenolphthalein is colorless 
when acid is present its usefulness is in detecting the presence of bases. Universal 
indicators such as Hydrion® pH test papers contain a mixture of indicators which 
indicate not just the presence of acid or base but also the concentration of acid or base 
in the material tested. 
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Like all solutions the concentrations of acid and base solutions are expressed in various 
ways. Molarity (moles of H+ per liter or moles HO− per liter) is very common. Neutral 
water is neither acidic nor basic. Neutral water contains extremely low level of H+ and 
HO− ions.  Because neutral water is neither acidic nor basic the concentrations of H+ 

and HO− ions are equal.  When H+ and HO− ions encounter one another they combine  
to form water (a neutralization reaction). Because the concentrations are very low these 
ions seldom encounter each other. The low level of H+ and HO− ions persists because 
H2O spontaneously separates (hydrolyses) into H+ and HO− ions.  At some 
concentration the rate of hydrolyses to form H+ and HO− equals the rate at which they 
encounter one another and recombine. In neutral water this occurs when the 
concentrations of the H+ and HO− ions are each 1 x 10−7 M (0.0000001 moles per liter). 

Situations where one reaction makes products while a second reaction converts the 
products back to the starting materials are not unusual. They are called reversible 
reactions. When the forward and reverse rates are equal then the concentrations no 
longer change and the mixture is said to be in equilibrium. Pure water is in a state of 
equilibrium between water molecules and hydrogen and hydroxide ions. There are 
vastly more water molecules than ions. This equilibrium situation is represented with a 
chemical equation with two reaction arrows pointing in opposite directions. 

H2O H+  +  HO− 

Acidic solutions have H+ concentrations greater than 1 x 10−7 M; basic solution have a 
lower H+ concentration. The product of proton and hydroxide ion concentrations is 
constant at 1 x 10−14 M2 (the unit seems weird but don’t worry about it for now). This 
means that when H+ concentration gets bigger HO− concentrate becomes smaller to 
maintain the product of 1 x 10−14 M2. Lowering the H+ requires an increase in the HO− 

concentration and increasing H+ requires a decrease in the HO− concentration 
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Concentration of H+ indicates the strength of the 
acid. Higher concentrations are stronger or more 
powerful. When the H+ concentration falls below 
1 x 10−7 M the solution is no longer acidic at all. 
Chemists have derived a scale of acid strength or 
power.  It is called the pH scale (think power of 
H). Mathematically the pH of a solution is the 
negative log of the hydrogen ion concentration 
measured in moles per liter (M). Neutral water 
having an H+ concentration of 1 x 10−7 M has a 
pH value of 7. As the hydrogen ion concentration 
increases from 1 x 10−7 M the pH decreases. 
Basic solutions have pH greater than 7.  While 
pH values less than 1 and greater than 14 are 
possible the vast majority of water solutions have 
pH values between 1 and 14. The figure covers 
this 1 to 14 range and shows pH of some familiar 
solutions. 

In the lab today pH of some common household 
items is measured with an indicator extracted from red cabbage and with a universal 
indicator contained in a narrow strip of paper. 

Adding even small amounts of acid or base to a solution can drastically change the pH 
value. Many reactions, including most physiological reactions, are pH dependent. How 
rapidly reactions occur and the products made are both pH dependent.  (For an 
example of the importance of pH read or watch The Andromeda Strain 
http://en.wikipedia.org/wiki/The_Andromeda_Strain_(film) (8/24/16) and learn why a 
septuagenarian aspirin chewing alcoholic and a crying baby survive while everyone 
else in town suddenly dies) 

Buffers are used to maintain the pH while a reaction takes place. Buffers consist of two 
components one of which consumes acid to keep the pH from falling while the second 
consumes any base to keep the pH from rising. The buffer systems used in the lab 
today consists of potassium hydrogen phthalate to maintain a low pH and potassium 
carbonate, potassium hydroxide and potassium borate to maintain a high pH. 

Hydrion® pH test papers are used to observe buffer function in today’s lab. 

Figure 1 from Slower 
https://commons.wikimedia.org/wiki/File:P
H_scale.png CC-BY-SA 

http://en.wikipedia.org/wiki/The_Andromeda_Strain_(film)
https://commons.wikimedia.org/wiki/File:PH_scale.png
https://commons.wikimedia.org/wiki/File:PH_scale.png
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Laboratory Activities 

pH of Household Items 
A solution of red cabbage indicator has been prepared for this lab. The materials to 
be tested are listed in the table in the Report Sheet. There are some blanks if you 
want to add another test sample or two. 

Add about 2 mL of a sample to a large test tube. Use the Hydrion® pH test papers to 
estimate the pH of the sample.  Wet the paper and immediately compare the color to 
the chart. Now to the sample add 1 to 2 mL of the cabbage indicator solution.  Mix 
well by stirring with a glass rod or by adding a stopper and shaking the tube. The 
pH of the item is found by comparing the color to the standard pH colors. Report 
the pH as that of the closest color match. Complete the table in the Report Sheet. 
Acidic solutions have pH less than 7.  There is more H+ ion than HO− ion present in 
an acidic solution.  Basic solutions have pH greater than 7. There is less H+ ion than 
HO− ion present in a basic solution. Neutral solutions have pH of 7.  There are equal 
amounts of H+ ion than HO− ion present in a neutral solution.  The amount of each is 1 
x 10−7 M (0.0000001 moles per liter). Slightly acidic or slightly basic solutions might 
appear neutral as you compare the solution colors to the pH 7 standard or color chart. 

Some of the items tested have a color that can interfere with the cabbage indicator 
solution color. If you encounter a problem with a colored sample you will be unable to 
determine the pH using the cabbage indicator. Should this occur use the pH results 
from the pH paper only. Write “Interference by Colored sample in the Cabbage 
Indicator column on the Report Sheet. 

Maintaining pH in the Presence of a Buffer 

Changing pH with added acid 
Place 10.0 mL of these test solutions into four separate large test tubes; 

• Deionized Water 
• 0.1 M NaCl 
• High pH Buffer 
• Low pH Buffer 

Test the starting pH of each sample with the Hydrion® pH test papers. Again the 
measured pH is that of the closest color match. Record your results in the Report 
Sheet. 
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Add 5 drops of 0.1 M HCl to each tube. Stir well with a glass rod and determine the 
pH using the test papers. Record your results on the Report Sheet. Repeat with 
another 5 drops of 0.1 M HCl and record the results. Complete the table using the 
change in pH to identify the presence of a buffer. 

Changing pH with added Base 
Clean the large test tubes and add 10 mL of the test solutions; Deionized Water, 0.1 
M NaCl, High pH Buffer, Low pH Buffer. Determine the pH with the Hydrion® pH 
test papers and record the results in the Report Sheet. 

Add 5 drops of 0.1 M NaOH to each tube. Stir well with a glass rod and determine 
the pH.  Record your results on the Report Sheet.  Repeat with another 5 drops of 
0.1 M NaOH and record the results. Again, complete the table and identify the 
presence of any buffers. 

Neutralization Reaction 
Add 20 drops of 0.1 M HCl to a small test tube and measure the pH with Hydrion® 
pH test papers. To a second small test tube add 20 drops of 0.1 M NaOH and 
measure pH. Add 1 drop (add one drop only) of phenolphthalein solution to each 
solution. Add the NaOH dropwise (dropwise means a single drop at a time). Mix 
well. Record the color of the mixture before adding the next drop of NaOH. 
Determine the pH after adding 5 drops, 10 drops 15 drops and after each drop 
thereafter. Stop adding NaOH when the color remains pink after mixing. Get a 
little more NaOH solution if the pink color does not remain after adding 20 drops of 
NaOH. If the mixture remains colorless after adding a total of 30 drops you can 
stop. (The pink color should persist when the pH gets above 8. It will certainly 
remain if the pH gets above 9.) 
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Figure 2 From Slower https://commons.wikimedia.org/wiki/File:PH_scale.png CC-BY-SA 

https://commons.wikimedia.org/wiki/File:PH_scale.png
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Report Sheet – Acids, Bases and pH 

pH of Household Items 
 

Product Tested 
Hydrion® test papers 

pH 
Cabbage Indicators 

pH 
Acidic or Basic 

Solution 
 

Mouthwash 

   

 

Antacid 

   

 

Aspirin 

   

 

Detergent 

   

 

Hair Conditioner 

   

 

Shampoo 

   

 

Apple Juice 

   

 

Lemon Juice 

   

 

Cola drink 

   

 

Ammonia Cleaner 

   

 

Vinegar 

   

    

    

Name   Section    



134  

Maintaining pH in the Presence of a Buffer 

Changing pH with added acid 
 

Test Solution 
 

Initial pH 

pH with 5 
drops 0.1 M 

HCl 

pH with 10 
drops 0.1 M 

HCl 

 
Change 
in pH 

Buffer? 
Answer 
Yes or No 

 
Deionized 

Water 

   5 drops 
 
 
 

10 drops 

 

 
0.1 M NaCl 

   5 drops 
 
 
 

10 drops 

 

 
High pH 
Buffer 

   5 drops 
 
 
 

10 drops 

 

 
Low pH 
Buffer 

   5 drops 
 
 
 

10 drops 

 



135  

Changing pH with added Base 
 

Test Solution 
 

Initial pH 

pH with 5 
drops 0.1 M 

NaOH 

pH with 10 
drops 0.1 M 

NaOH 

 
Change 
in pH 

Buffer? 
Answer 
Yes or No 

 
Deionized 

Water 

   5 drops 
 
 
 

10 drops 

 

 
0.1 M NaCl 

   5 drops 
 
 
 

10 drops 

 

 
High pH 
Buffer 

   5 drops 
 
 
 

10 drops 

 

 
Low pH 
Buffer 

   5 drops 
 
 
 

10 drops 
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Neutralization Reaction 

Sample pH Color with 
phenolphthalein Sample pH Color with 

phenolphthalein 
 

0.1 M HCl 
  0.1 M HCl 

w/ 21 drops 
NaOH 

  

0.1 M 
NaOH 

  0.1 M HCl 
w/ 22 drops 

NaOH 

  

0.1 M HCl 
w/ 5 drops 

NaOH 

  0.1 M HCl 
w/ 23 drops 

NaOH 

  

0.1 M HCl 
w/ 10 drops 

NaOH 

  0.1 M HCl 
w/ 24 drops 

NaOH 

  

0.1 M HCl 
w/ 15 drops 

NaOH 

  0.1 M HCl 
w/ 25 drops 

NaOH 

  

0.1 M HCl 
w/ 16 drops 

NaOH 

  0.1 M HCl 
w/ 26 drops 

NaOH 

  

0.1 M HCl 
w/ 17 drops 

NaOH 

  0.1 M HCl 
w/ 27 drops 

NaOH 

  

0.1 M HCl 
w/ 18 drops 

NaOH 

  0.1 M HCl 
w/ 28 drops 

NaOH 

  

0.1 M HCl 
w/ 19 drops 

NaOH 

  0.1 M HCl 
w/ 29 drops 

NaOH 

  

0.1 M HCl 
w/ 20 drops 

NaOH 

  0.1 M HCl 
w/ 30 drops 

NaOH 
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Reaction Rates and Equilibrium – How 
Fast, How Far 

 
Introduction 
Today’s laboratory activities illustrate several interesting aspects of chemical 
reactions.  We will see that 

1. energy is part of chemical reactions either being released (heat or light 
emission in exothermic reactions) or absorbed (in endothermic reactions) 

2. the rate of reaction depends on temperature and concentrations of reactants 
3. many reactions are reversible 
4. reversible reactions reach an equilibrium state where concentrations remain 

constant 

Exothermic and Endothermic Reactions 
The making and breaking of chemical bonds, what we all know as chemical 
reactions, involves energy. Chemical reactions can give off or take in energy in the 
form of heat or light. Fires give off a great deal of heat; the curing of epoxy 
adhesives gives off a little. Reactions that give off light without much heat happen 
in a glow stick, a firefly and luminescent algae in a tropical sea. A well-known 
reaction that takes in light energy is photosynthesis whereby green plants combine 
carbon dioxide and water to make sugar and oxygen. Cooking an egg involves 
reactions that absorb heat. If a reaction gives off energy it is called an exothermic 
reaction. The heat generated warms the surroundings and the temperature 
increases.  A reaction which takes in energy is called an endothermic reaction. 
Endothermic reactions cool the surroundings as the heat energy is transferred into 
the formation of the new compounds. 

Chemical Reaction Rates 
A chemical reaction takes place as one material is changed into another. Burning 
charcoal and rusting of iron are reactions you know well. Both involve combination 
of an element with oxygen to make an oxide compound. Both reactions are 
exothermic. 

Burning Charcoal 

C  +  O2    CO2 
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Effective Ineffective 

Rusting of Iron 

4 Fe  +  3 O2    2 Fe2O3 

What’s the major difference between these reactions? The difference is in how fast 
the reacting element disappears and the oxide product is formed. We can watch as 
charcoal briquette burns in a barbeque pit as we cook out steak in half an hour. 
Watching an iron nail turn to rust would not be nearly as easy to do. It will happen 
but over the course of months not minutes. The rate at which a reaction takes place 
is important not just in chemical plants and fire places but also in the cells of your 
body and in the storage of foods. 

Your text uses collision theory to explain how a reaction takes place.  Before a 
reaction can occur the reacting molecules must 
collide. In gasses and liquids collisions are 
frequent but very few result in reaction. To be 
effective in converting the reactants to products 
the collision must take place with the orientation 
needed to allow new bonds to form while old bonds 
break. The figure shows how collisions might be 
effective and ineffective. 

 
 

There must also be sufficient energy in the 
collision to convert the reactants to products.  The energy necessary for reaction is 

known as the activation energy symbolized 
by Ea. The temperature is related to the 
average kinetic energy of the molecules in 
the reacting mixture.  In any container 
some molecules are moving faster and some 
slower than average. Still, increasing the 
temperature increases the average speed 
and kinetic energy of the molecules. The 
higher the temperature the more often a 
collision has sufficient energy to cause a 
reaction to occur. The distribution of 
molecular speeds and fraction with energies 
greater than Ea is illustrated in the graph. 
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The rate of a reaction, how fast reactants are converted to products, depends on the 
number of effective collisions per second (or minute or whatever time unit is 
appropriate). The number of effective collisions depends on the concentration 
because as the concentration increases more total collisions and collisions with the 
necessary orientation increase. The number of effective collisions depends on the 
temperature because as the temperature increases the number of collisions with 
energy equal to or greater than the energy of activation (Ea) increase. 

Reversible Reactions 
Chemical reaction equations are written from left to right to indicate the conversion 
of reactants to products. An example is the formation of propyl acetate (C5H10O2) by 
the reaction of propyl alcohol (C3H7OH) with acetic acid (CH3CO2H). You know 
propyl acetate as the odor of pears. Propyl acetate is just one of many esters which 
give fruits these pleasant aromas. 

C3H7OH + CH3CO2H C5H10O2  + H2O 

As written propyl alcohol and acetic acid are the reactants. Propyl acetate and 
water are the products. The fact that the odor of pears is propyl acetate can be 
confirmed by collecting the compound that has that distinctive odor from a large 
number of pears and reacting it with water. The result is propyl alcohol and acetic 
acid as given in the reaction below. 

C5H10O2 + H2O C3H7OH  + CH3CO2H 

The first reaction has been reversed. Not only do collisions of propyl alcohol and 
acetic acid (with the correct orientation and with sufficient energy) result in the 
formation of propyl acetate and water but collisions of propyl acetate and water 
(with the necessary orientation and energy) result in formation of propyl alcohol 
and acetic acid.  The reactions are reversible.  These reactions go both ways. 

Reversible reactions are written with two arrows pointed in opposite directions. 

C3H7OH + CH3CO2H C5H10O2  + H2O 

Starting with C3H7OH and CH3CO2H the C5H10O2 and H2O will form. The rate is 
greatest at the start because the concentrations of C3H7OH and CH3CO2H are 
greatest. These concentrations decrease as these compounds are converted to ester 
and water. The rate at which C5H10O2 and H2O react to form alcohol and acid is 
zero to start (Think about why). The rate of the reverse reaction increases as more 
and more ester and water form increasing their concentrations.  As long as the 
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forward reaction rate is greater than the reverse reaction rate the alcohol and acid 
concentrations will continue to decrease while the ester and water concentrations 
will increase. 
At some point the concentrations will be such that the two rates are equal. At this 
point the reacting mixture is said to be at equilibrium. The concentrations will no 
longer change even as the reactions continue. The concentrations cannot change 
because the compounds are being made by one reaction and

consumed by the other at the same rate. 

Shifting Equilibrium - Le Chȃtelier’s Principle 

 

Once equilibrium is established the concentrations do not change unless something 
is done to change the forward and reverse reactions rates. Such a change is termed 
a stress on the system. Concentrations will change in order to relieve the stress. Le 
Chȃtelier’s Principle says that when an equilibrium system is stressed the system 
will shift in the direction (toward products or reactants in the equation as written) 
that relives the stress. Increasing the concentration by adding more of a component 
will increase the rate at which that component is consumed.  Removing a 
component will increase the rate at which that component is made. Concentrations 
will shift until equilibrium is again achieved. 

Changing temperature is one way to stress the equilibrium system. If the reaction 
as written is an exothermic reaction increasing the temperature shifts the reaction 
to the left.  Exothermic reactions are shifted to the right as temperature increases. 
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Laboratory Activities 

Heat of Reaction 

Dissolution of ammonium nitrate (NH4NO3) and calcium chloride (CaCl2) 
 

 
NH4NO3(s) 

 
 H2O  

 
NH4+(aq)  + NO3−(aq) 

 

Obtain a hot plate/stirrer from the cabinet. Place about 100 mL of water into a 250 
mL beaker and place on the stirrer. Add a stir bar to the beaker and start the 
stirrer. Use the stirrer only leaving the hot plate off.  Suspend a thermometer in 
the water but above the stir bar. The bar should turn without contacting the 
thermometer. Record the water temperature on the Report Sheet. Weigh between 
15 and 25 g of solid NH4NO3. Add the solid NH4NO3 to the beaker of water and 
watch the temperature as the solution forms. Record the solution temperature 
when the solid has dissolved in its entirety. Does dissolving NH4NO3 release or 
absorb heat? Is the dissolution of NH4NO3 an endothermic or exothermic process? 
Answer these questions by completing the sentence on the Report Sheet. 

Dispose of the NH4NO3 solution in the inorganic waste. Rinse the beaker well and 
refill with 100 mL of water. 

CaCl2 
 H2O  Ca2+(aq)  +  2 Cl−(aq) 

 

Again stir the water with the stir bar and suspend the thermometer in the water. 
Weigh between 10.0 and 15.0 g of solid CaCl2. Add the solid CaCl2 to the beaker of 
water and watch the temperature as the solution forms. Record the solution 
temperature when the solid has dissolved in its entirety. Does dissolving CaCl2 

release or absorb heat? Is the dissolution of CaCl2 an endothermic or exothermic 
process?  Answer these questions by completing the sentence on the Report Sheet. 

Chemical Reaction Rates 

Effect of Reactant Concentration on Reaction Rate 
It these experiments observations will be made on how changing the acid 
concentration changes the rate of the reaction between hydrochloric acid and 
magnesium to make hydrogen gas. 

Mg(s)  + 2 HCl(aq) MgCl2 (aq)  + H2 (g) 
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Use your cell phone or a stopwatch to measure the time required for all the 
magnesium to be consumed by the reaction with HCl. Into 3 large test tubes place 
about 0.4 g Mg (a piece of ribbon about 2 cm long). Measure 10 mL of 1.0 M HCl 
solution. Add the acid to the first test tube and begin timing. Record the seconds 
needed for the Mg to be converted to MgCl2 aqueous solution. The reaction is 
complete when all of the Mg appears to have disappeared and bubbles of H2 no 
longer form. If the Mg remains when the bubbling stops, see your instructor for 
guidance. Carefully touch the bottom of the test tube. Is the reaction endothermic 
or exothermic? 

Repeat the reaction and timing with 2.0 M HCl in the second tube and with 3.0 M 
HCl in the last tube. Touch these tubes as well.  Do the tubes feel about the same 
or different? Since the amount of Mg was the same each time how can you explain 
any observed temperature difference? 

Record your results on the Report Sheet 

Effect of Temperature on Reaction Rate 
Acetic acid in vinegar reacts with sodium bicarbonate (baking soda) to make carbon 
dioxide, sodium acetate and water. 

CH3CO2H(aq)  + NaHCO3 (s) CO2 (g)  +  CH3CO2Na(aq)  + H2O(l) 

Place 10 mL of vinegar into each of two large test tubes. Cool one tube in a beaker 
containing ice and water. Place the second test tube into a 400 mL beaker half- 
filled with water. Use the hot plate and heat the water to somewhere between 50 
and 60 °C. Remove the test tubes from the beakers and using two thermometers 
quickly measure the temperature in each beaker. Again using two spatulas add 
about a thumbs width of solid NaHCO3 to the tubes at the same time. Note the 
relative CO2 gas formation rate in the two tubes. Which tube reacts faster? Record 
your results on the Report Sheet. 

Reversible Reactions 
The system investigated here involves copper ion, hydroxide ion and solid copper(II) 
hydroxide. The solid is made in three test tubes by mixing solutions of copper(II) 
chloride and sodium hydroxide. The sodium and chloride ions are spectators only 
and are not shown in the reaction equation below. 

Cu2+(aq)  + 2 HO−(aq) Cu(OH)2 (s) 

The double reaction arrow indicates that this is a reversible reaction. All three 
species, the cation, the anions and the solid are present in the test tube.  We will 



 

look at what happens as more HO− is added to one tube. HO− is removed in a 
second tube by reacting with H+ added with HCl. Adding NH3 (NH4OH solution is 
the source of NH3) to the third tube removes Cu2+ ions by forming deep blue 
Cu(NH4)2+ ions in solution. 

Place 3 mL of 0.1 M CuCl2 into 3 separate test tubes. Add 0.1 M NaOH dropwise 
(one drop at a time keeping count of the number of drops used) until you can clearly 
see that solid white Cu(OH)2 solid is precipitating.  Add the same number of drops 
of the 0.1 M NaOH to the other tubes. You should have close to the same amount of 
solid in each of the three tubes. If the amounts of solid differ a lot see your 
instructor for guidance. 

To the first tube now add more drops of NaOH solution until you notice a change in 
the amount of Cu(OH)2 solid.  On the Report Sheet tell what you saw happen. 
Provide an explanation of what happened to the amount of Cu(OH)2 solid. 

To the second tube add 1 M NH4OH dropwise. The color of the solution changes to 
an intense blue because of this reaction. 

Cu2+(aq)  + 4 NH3(aq) Cu(NH3)42+(aq) 

Try to disregard the blue color and focus on the Cu(OH)2 solid.  What happens to 
the solid as the Cu2+ ions are converted to Cu(NH3)42+ ions? Add the NH4OH until 
you do notice a change in the Cu(OH)2 solid. Complete the Report Sheet with what 
happened and why. 

To the third tube add drops of 0.1 M HCl until you see something happen to the 
Cu(OH)2 solid. The HCl is removing HO− ions from the tube. Complete the Report 
Sheet with what happened and why. 

Equilibrium of Iron (III) thiocyanate and Le Chȃtelier’s Principle 
The equilibrium reaction investigated here is shown in the chemical equation below; 

Fe3+ + SCN− FeSCN2+ 

The source of the Fe3+ ions is an aqueous solution of Fe(NO3)3. Aqueous solutions of 
Fe(NO3)3 are clear.  The color of the solutions is pale yellow to deep orange 
depending on the concentration. The more concentrated the deeper the color. SCN− 

ions are named thiocyanate ions. They are to be found in aqueous solutions of 
KSCN, potassium thiocyanate. KSCN solutions are clear and completely colorless 
regardless of concentration. The name of the complex ion FeSCN2+ is 
thiocyanatoiron.  This ion has a deep blood red color.  It formation upon mixing 
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solutions of Fe(NO3)3 and KSCN is immediate. You know immediately that 
something new has been formed. 

Since this is an equilibrium situation all three ions are present. Stressing the 
system will either make more FeSCN2+ by combining Fe3+ with SCN− or reduce the 
FeSCN2+ by breaking it apart to make Fe3+ and SCN− ions. Making more FeSCN2+ 

increases the red color.  Breaking it apart reduces the red color. 

Stock Solution 
Prepare a stock equilibrium mixture by mixing 10 mL of 0.01 M Fe(NO3)3 with 10 
mL 0.01 M KSCN. On the Report Sheet describe the appearance of the stock 
solution. 

The stock solution will be stressed in several ways. Because we are adding 
additional liquid to the stock solution we need to know the effect of adding just 
water to see what happens. 

Control 
Place 3 mL of stock solution into a small test tube. Add 10 drops of water to this 
tube. Place a cork stopper tightly on the tube and mix well. Describe the 
appearance of this control mixture on the report sheet. Keep this tube for 
comparison to the others that are made later. 

Stress Number 1 Adding Additional Fe3+ Ions to the Equilibrium Mixture 
Place 3 mL of stock mixture in a second small test tube. To this add 10 drops of 1 M 
Fe(NO3)3. Stopper and mix as before.  How does the red color compare to the 
Control?  Is there more or less FeSCN2+ present? Did adding more Fe3+ ions shift  
the equilibrium to the right (more products) or to the left (more reactants)? Record 
your answers on the Report Sheet. 

Stress Number 2 Adding Additional SCN− Ions to the Equilibrium Mixture 
Place 3 mL of stock mixture in a third small test tube. To this add 10 drops of 1 M 
KSCN. Stopper and mix as before.  How does the red color compare to the Control? 
Is there more or less FeSCN2+ present? Did adding more SCN− ions shift the 
equilibrium to the right (more products) or to the left (more reactants)? Record your 
answers on the Report Sheet. 

Stress Number 3 “Removing” Fe3+ Ions from the Equilibrium Mixture 
We cannot reach in and remove ions from the equilibrium mixture. We can do this 
chemically by adding something that reacts with an ion and thereby effectively 
removing it from the mixture.  Chloride ions, Cl− react with Fe3+ ions by the 
reaction below. 



145  

4 Cl− + Fe3+ FeCl4− 

Place 3 mL of stock mixture in a third small test tube. To this slowly add 10 drops 
of 3 M HCl mixing after each drop is added. The HCl will remove some of the Fe3+ 

ions by forming the FeCl4− ion. How does the red color compare to the Control? Is 
there more or less FeSCN2+ present? Did removing Fe3+ ions shift the equilibrium to 
the right (more products) or to the left (more reactants)?  Record your answers on 
the Report Sheet. 

Stress 4 Changing the Temperature of the Equilibrium Mixture 
The reaction of Fe3+ with SCN− to make FeSCN2+ gives off heat. It is an exothermic 
reaction.  The equilibrium mixture is stressed when the temperature is changed. 
Cooling the mixture should stress it to give off more heat by combining Fe3+ and 
SCN− ions. Heating the mixture on the other hand should stress the sytem and 
cause some FeSCN2+ ions to dissociate. Not all of the added heat goes to increasing 
the temperature. Some of the heat energy breaks the FeSCN2+ into the separate 
Fe3+ and SCN− parts. 

Prepare two test tubes of equilibrium mixture one to be stressed by heating and the 
other by cooling. Place 3 mL of stock solution into each of two small test tubes. Add 
10 drops of water to each tube.  These should look like the Control as they have 
been prepared in the same way. If they do not look like the control ask your 
instructor for guidance. 

Heat a 250 mL beaker half full of water to between 80 and 90 °C. Turn off the heat 
and place one of the test tubes into the hot water. Wait 10 minutes and make note 
of the color. How does the red color compare to the Control? Is there more or less 
FeSCN2+ present?  Does heating the equilibrium mixture shift the equilibrium to 
the right (more products) or to the left (more reactants)? Record your answers on 
the Report Sheet. 

In another 250 mL beaker prepare an ice water bath.  Add ice cubes until the 
beaker is about half full of ice. Add water to fill the spaces between the cubes. Add 
just enough water to fill the spaces. You don’t want the ice flooding on top of too 
much water. Place the other tube prepared above into the ice water bath. Wait 10 
minutes and make note of the color. How does the red color compare to the Control? 
Is there more or less FeSCN2+ present? Does cooling the equilibrium mixture shift 
the equilibrium to the right (more products) or to the left (more reactants)? Record 
your answers on the Report Sheet. 
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Name Section    
 

Report Sheet – Reaction Rates and Equilibrium 

Heat of Reaction 

Dissolution of ammonium nitrate (NH4NO3) and calcium chloride (CaCl2) 
Dissolving ammonium nitrate NH4NO3 

 

Initial Temperature   Final Temperature    
 

Dissolving NH4NO3 heat and so it is an    
reaction. 

Dissolving calcium chloride CaCl2 
 

Initial Temperature   Final Temperature    
 

Dissolving CaCl2 heat and so it is an     
reaction. 

Effect of Reactant Concentration on Reaction Rate 
Mg(s) +  HCl(aq) MgCl2 (aq)  + H2 (g) 

 

Mg with 1.0 M HCl 

Time for complete reaction    

Mg with 2.0 M HCl 

Time for complete reaction    

Mg with 3.0 M HCl 

Time for complete reaction    

This reaction appears to heat.  The reaction is  . 

Which of the three concentrations of HCl reacted fastest? 

What is the effect of increasing the HCl concentration? 
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Effect of Temperature on Reaction Rate 
Tube 1 

 

Temperature  

Tube 2 

Temperature    

Rate of CO2 generation    
 
 
Rate of CO2 generation    

 

Which tube reacted faster?    

What is the effect of reaction temperature on reaction rate? 

 
 
 
 

Reversible Reactions 
Write the chemical reaction for the combination of a copper (II) cation ions with two 
hydroxide anions to form copper (II) hydroxide solid. Indicate this is a reversible 
reaction using the double arrow convention. 

 
 
 
 
 
What happened to the Cu(OH)2 solid when more HO− ions were added to the 
reaction mixture? 

 
 
 
 
 
What is your explanation for what happened? 
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What happened to the Cu(OH)2 solid when Cu2+ ions were removed from the 
reaction mixture by the addition of NH3 (from NH4OH)? 

 
 
 
 
 
What is your explanation for what happened? 

 
 
 
 
 
What happened to the Cu(OH)2 solid when HO− ions were removed from the 
reaction mixture by the addition of H+ ions? 

 
 
 
 
 
What is your explanation for what happened? 

 
 
 
 
 

Equilibrium of Iron (III) thiocyanate and Le Chȃtelier’s Principle 
Fe3+ + SCN− FeSCN2+ 

Describe the appearance of the Stock Equilibrium Mixture 
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Control 
Describe the appearance of this control mixture. 

 
 
 
 
 

Stress Number 1 Adding Additional Fe3+ Ions to the Equilibrium Mixture 
How does the red color compare to the Control? 

 
 
 
 
Is there more or less FeSCN2+ present? 

 
 
 
 
Did adding more Fe3+ ions shift the equilibrium to the right (more products) or to 
the left (more reactants)? 

 
 
 

Stress Number 2 Adding Additional SCN− Ions to the Equilibrium Mixture 
How does the red color compare to the Control? 

 
 
 
 
Is there more or less FeSCN2+ present? 

 
 
 
 
Did adding more SCN− ions shift the equilibrium to the right (more products) or to 
the left (more reactants)? 
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Stress Number 3 “Removing” Fe3+ Ions from the Equilibrium Mixture 
How does the red color compare to the Control? 

 
 
 
 
Is there more or less FeSCN2+ present? 

 
 
 
 
Did removing Fe3+ ions shift the equilibrium to the right (more products) or to the 
left (more reactants)? 

 
 
 

Stress 4 Changing the Temperature of the Equilibrium Mixture 
Hot Water Stress 

How does the red color of the hot mixture compare to the Control? 
 
 
 
 
Is there more or less FeSCN2+ present? 

 
 
 
 
Does heating the equilibrium mixture shift the equilibrium to the right (more 
products) or to the left (more reactants)? 

 
 
 
 
Cold Water Stress 

How does the red color of the cold mixture compare to the Control? 
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Is there more or less FeSCN2+ present? 
 
 
 
 
Does cooling the equilibrium mixture shift the equilibrium to the right (more 
products) or to the left (more reactants)? 
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