
What are the significant figures rules? 

To determine what numbers are significant and which aren't, use the 
following rules: 

1. The zero to the left of the decimal value less than 1 is not 

significant. 
2. All trailing zeros that are placeholders are not significant. 
3. Zeros between non zero numbers are significant. 
4. All non zero numbers are significant. 
5. If a number has more numbers than the desired numbers of 

significant digits, the number is rounded. For 

example, 432,500 is 433,000 to 3 significant digits. 

6. Zeros at the end of numbers which are not significant but are 
not removed, as removing would affect the value of the 
number. In the above example, cannot 

remove 000 in 433,000 unless changing the number into 

scientific notation. 

 

 

 

 

 

 

 

 

 

 

 



Significant Figure Rules 

 

There are three rules on determining how many significant figures are in a 

number: 

1. Non-zero digits are always significant. 

2. Any zeros between two significant digits are significant. 

3. A final zero or trailing zeros in the decimal portion ONLY are 

significant. 

Focus on these rules and learn them well. They will be used extensively 

throughout the remainder of this course. You would be well advised to do as 

many problems as needed to nail the concept of significant figures down 

tight and then do some more, just to be sure. 

Please remember that, in science, all numbers are based upon measurements 

(except for a very few that are defined). Since all measurements are 

uncertain, we must only use those numbers that are meaningful.  A common 

ruler cannot measure something to be 22.4072643 cm long. Not all of the 

digits have meaning (significance) and, therefore, should not be written 

down. In science, only the numbers that have significance (derived from 

measurement) are written. 

 

Rule 1: Non-zero digits are always significant. 

Hopefully, this rule seems rather obvious. If you measure something and the 

device you use (ruler, thermometer, triple-beam balance, etc.) returns a 

number to you, then you have made a measurement decision and that ACT 

of measuring gives significance to that particular numeral (or digit) in the 

overall value you obtain. 

Hence a number like 26.38 would have four significant figures and 7.94 

would have three. The problem comes with numbers like 0.00980 or 28.09.  

 

Rule 2: Any zeros between two significant digits are significant. 

Suppose you had a number like 406. By the first rule, the 4 and the 6 are 

significant. However, to make a measurement decision on the 4 (in the 

hundred's place) and the 6 (in the unit's place), you HAD to have made a 

decision on the ten's place. The measurement scale for this number would 



have hundreds and tens marked with an estimation made in the unit's place. 

Like this: 

  

 

Rule 3: A final zero or trailing zeros in the decimal portion ONLY are 

significant. 

This rule causes the most difficulty with students. Here are two examples of 

this rule with the zeros this rule affects in boldface: 

0.00500 

0.03040 

Here are two more examples where the significant zeros are in boldface: 

2.30 x 10¯5 

4.500 x 1012 

 

What Zeros are Not Discussed Above 

Zero Type #1: Space holding zeros on numbers less than one. 

Here are the first two numbers from just above with the digits that are NOT 

significant in boldface: 

0.00500 

0.03040 

These zeros serve only as space holders. They are there to put the decimal 

point in its correct location. They DO NOT involve measurement decisions. 

Upon writing the numbers in scientific notation (5.00 x 10¯3 and 3.040 x 

10¯2), the non-significant zeros disappear. 

Zero Type #2: the zero to the left of the decimal point on numbers less than 

one. 



When a number like 0.00500 is written, the very first zero (to the left of the 

decimal point) is put there by convention. Its sole function is to 

communicate unambiguously that the decimal point is a deciaml point. If the 

number were written like this, .00500, there is a possibility that the decimal 

point might be mistaken for a period. Many students omit that zero. They 

should not. 

Zero Type #3: trailing zeros in a whole number. 

200 is considered to have only ONE significant figure while 25,000 has two. 

This is based on the way each number is written. When whole number are 

written as above, the zeros, BY DEFINITION, did not require a 

measurement decision, thus they are not significant. 

However, it is entirely possible that 200 really does have two or three 

significnt figures. If it does, it will be written in a different manner than 200. 

Typically, scientific notation is used for this purpose. If 200 has two 

significant figures, then 2.0 x 102 is used. If it has three, then 2.00 x 102 is 

used. If it had four, then 200.0 is sufficient. See rule #2 above. 

How will you know how many significant figures are in a number like 200? 

In a problem like below, divorced of all scientific context, you will be told. 

If you were doing an experiment, the context of the experiment and its 

measuring devices would tell you how many significant figures to report to 

people who read the report of your work. 

Zero Type #4: leading zeros in a whole number. 

00250 has two significant figures. 005.00 x 10¯4 has three.  
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 UNIT (1) MEASUREMENTS IN CHEMISTRY 

 
Measurements are part of our daily lives. We measure our weights, driving distances, and 

gallons of gasoline. As a health professional you might measure blood pressure, 

temperature, pulse rate, drug dosage, or percentage of body fat. 

A measurement contains a number and a unit. 

A unit specifies the physical property and the size of a measurement, while the number 

indicates how many units are present. A number without a unit is usually meaningless. 

 

1.1 Units of Measurement 
 

In the United States most measurements are made with the English system of units which 

usually contain fractions (a collection of functionally unrelated units.) 

The metric system is a decimal-based system of units of measurement which is used 

most often worldwide.  

Around 1960, the international scientific organization adopted a modification of the 

metric system called International System or SI (from Systèm International). 

 

 

Quantity         English Unit                      Metric Unit                  SI Unit 

 

Mass pound (lb) gram (g) kilogram (kg) 

Length foot (ft) meter (m) meter (m) 

Volume quart (qt) liter (L) cubic meter (m
3
) 

Temperature degree Fahrenheit (F) degree Celsius (C) Kelvin (K) 

Energy calorie (cal) calorie (cal) Joule (J) 

 

 

1.2 Scientific Notation 
 
Scientific notation is a common method used to conveniently represent very small or 

very large numbers. There are two parts to any number expressed in scientific notation, a 

coefficient, and a power of 10. The number 683 is written in scientific notation as  

6.83 x 10
2
. The coefficient is 6.83 and 10

2 
shows the power of 10 (the superscript 2 is 

called an exponent). A number less than one would contain a negative exponent. For 

example: the number 0.0075 is written as 7.5 x 10
-3

 (note the negative exponent). 

 

The coefficient must always be a number greater than or equal to 1 but less than 10 or     

1  coefficient < 10. 
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 Worked Example 1-1   

Express the following numbers in scientific notation: 

a) 408.00         b) 0.007956 

 

 Solution 

Apply the following:  

Place the decimal point after the first nonzero digit in the number. 

Indicate the number of places the decimal was moved using the power of 10. 

If the decimal is moved to the left, the power of 10 is positive. If moved to the 

right, it is negative. 

 

a) 4.0800 x 10
2 

   (coefficient = 4.0800, exponent = +2) 

b) 7.956 x 10
-3 

    (coefficient = 7.956, exponent = -3) 

 

 

 Practice 1-1   

  Express each of the following values in scientific notation: 

a) There are 33,000,000,000,000,000,000 molecules of water in  

one milligram of water. 

b) A single molecule of sucrose weighs 0.000 000 000 000 000 000 000 57 g. 

 

 Answer 

 

     a) 3.3 x 10
19 

  (coefficient = 3.3, exponent = 19) 

     

  b) 5.7 x 10
-22 

 (coefficient = 5.7, exponent = -22) 

 

 

 

 

 Practice 1-2   

Convert each the following scientific notation to decimal notation. 

a) 8.54 x 10
3 

    b) 6.7 x 10
-5 

    c) 1.29 x 10
4 

        d) 1.000 x 10
-2

   

 

 Answer 

 

 

   a) 8540  b) 0.000067   c) 12900          d) 0.01000 
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Scientific Notation and Calculators  
Numbers in scientific notation can be entered into most calculators using the EE or  

EXP key. As an example try 9.7 x 10
3
.
  

1. Enter the coefficient (9.7) into calculator. 

2. Push the EE (or EXP) key.  Do NOT use the x (times) button. 

3. Enter the exponent number (3). 

  

Number to Enter Method   Display Reads 

 

9.7 x 10
3  

9.7 EE or EXP 3  9.7 
03

 or 9.7E03 or 9700  
 

 

Now try 8.1 x 10
-5

: 

 

1. Enter the coefficient (8.1) into calculator. 

2. Push the EE (or EXP) key. Do NOT use the x (times) button. 

3. Enter the exponent number (5). Use the plus/minus (+/-) key to change its sign. 

 

Number to Enter Method   Display Reads 

 

8.1 x 10
-5  

8.1 EE or EXP 5 +/-  8.1
-05

 or 8.1E-05   
 

 

 

 

1.3 Metric Prefixes 
 

The metric system is a decimal-based system of units of measurement used by most 

scientists worldwide.  

In the metric system, a prefix can be attached to a unit to increase or decrease its size by 

factors (powers) of 10. 

 

 

Prefix  Value    

 

tera- (T) 10
12 

 = 1,000,000,000,000 

giga- (G)   10
9 

 =  1,000,000,000  

mega- (M)   10
6 

 =  1,000,000  

kilo- (k) 10
3
  =  1,000 

 

deci- (d)  10
-1

  =  0.1   

centi- (c)  10
-2

  =  0.01   

milli- (m)  10
-3

  =  0.001           

micro- (μ) 10
-6

  =  0.000001  

nano- (n) 10
-9

  =  0.000000001  

pico- (p) 10
-12

 =  0.000000000001 
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 Practice 1-3  

Give the metric prefix that corresponds to each of the following 

a) 1,000,000,000
 
   b) 10

-6 
    c) 1000

 
        d) 0.01    e) 10

-9 
  f) 10

12 
  

 

 Answer 

 

    a) giga  b) micro   c) kilo           

 

d) centi e) nano   f) tera 

 

 

 

 

 

1.4 Significant Figures in Measurements   
 

A student is asked to determine the mass of a small object using two different balances 

available in the lab. The lower priced model reports masses to within ±0.01 g (one-one 

hundredth), while the higher priced one reports to within ±0.0001 g (one-ten thousandth). 

The student measures the mass three times on each balance and completes the following 

table. 

 

 First balance Second balance 

Three measurements 

 
2.16,  2.14, 2.15 g 2.1538, 2.1539, 2.1537 g 

Average 

 
2.15 g 2.1538 g 

Reproducibility 

 
±0.01 g ±0.0001 g  

Which digit is the “uncertain 

digit” in the average? 
The last digit; 5 The last digit; 8 

Which digits are “certain 

digits” in the average? 
2, 1 2, 1, 5, 3 

How many significant digits 

are in the average? 
Three significant digits Five significant digits 

 

Significant figures (sig figs) are the digits that are known with certainty plus one digit 

that is uncertain. All nonzero digits in measurements are always significant.  

 

Are zeroes significant? 
YES: zeros between nonzero digits (20509). 

YES: zeros at the end of a number when a decimal point is written (3600.). 

NO:  zeros at the end of a number when no decimal point is written (3600). 

NO:  zeros at the beginning of a number (0.0047). 
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 Worked Example 1-2  

How many significant figures does each number have? 

a) 0.0037    b) 600.   c) 93,000
 

d) 2.08 x 10
-5

    e) 600   f) 58.00 

g) 4010049  h) 1.700 x 10
2  

i) 4.0100 x 10
6  

  

 Solution 
 

 sf  sf     sf 

0.0037  
 

2 600.
 

3 93,000 2 

2.08 x 10
-5

  
 

3 600
 

1 58.00 4 

4010049
 

7 1.700 x 10
2 

4 4.0100 x 10
6
 5 

  

 

 

Significant Figures in “Exact Numbers” 
Exact numbers have an unlimited number of significant figures. Exact numbers are 

obtained by counting items or by definition.  

Counting: 24 students mean 24.0000000… students. 8 pennies means 8.0000... pennies. 

Definition: 1 m = 100 cm   means 1.00000….m = 100.000000….cm 

  

1.5 Calculations Involving Significant Figures 
 

Rules for Rounding off Numbers 
If the first digit to be deleted is 4 or less, leave the last reported digit unchanged. 

If the first digit to be deleted is 5 or greater, increase the last reported digit by one. 

In some cases you need to add significant zeros. The number 2, reported in four 

significant figures, is 2.000.  

 

 Practice 1-4   

Round off each of the following to three significant figures. 

a) 9.174  b) 9.175  c) 9.176   

d) 5   e) 0.0040  f) 8000    

g) 2.4 x 10
-5  

h) 670 

 Answer 

 

a) 9.174 (9.17) b) 9.175 (9.18) c) 9.176 (9.18) 

 

d) 5 (5.00) 

 

e) 0.0040 (0.00400) f) 8000 (8.00 x 10
3
) 

g) 2.4 x 10
-5 

(2.40 x 10
-5

) h) 670 (670.) 
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Rules for Rounding off in Calculations 

A. Multiplication and Division    
The answer carries the same number of significant figures as the factor with the fewest 

significant figures. 

  

 Practice 1-5   

Perform each of the following calculations to the correct number of significant 

figures. 

a) 33.56 x 1.9483  b) (2.50 x 10
-3

)  x  (1.8500 x 10
5
)  

c) 47.5301  2.30   d) (6.56 x 10
10

)    (7.8 x 10
9
)  

  

 Answer 

 

 

a) 33.56 x 1.9483 = 65.38 b) (2.50 x 10
-3

)  x  (1.8500 x 10
5
) =  4.63 x 10

2
 

c) 47.5301  2.30 = 20.7 d) (6.56 x 10
10

)    (7.8 x 10
9
) = 8.4 

 

 

 

 

 

B. Addition and Subtraction 
The answer should have the same number of decimal places as the quantity with the 

fewest decimal places. 

 

 Practice 1-6   

Perform each of the following calculations to the correct number of significant 

figures: 

a) 73.498 + 2.2   b) 63.81 + 205.4 

 c) 191.000 - 188.0   d) 124.08 - 39.1740 

e) (6.8 x 10
-2

)  +  (2.04 x 10
-2

)  f) (5.77 x 10
-4

)  -  (3.6 x 10
-4

)   

 

 Answer 

 

 

a) 73.498 + 2.2 = 75.7  b) 63.81 + 205.4 = 269.2 

                    

c) 191.000 - 188.0 = 3.0 d) 124.08 - 39.1740 = 84.91 

 

e) (6.8 x 10
-2

)  +  (2.04 x 10
-2

) =  

                                              8.8 x 10
-2

 

f) (5.77 x 10
-4

)  -  (3.6 x 10
-4

) = 

                                        2.2 x 10
-4
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1.6 Writing Conversion Factors 
 

Many problems in chemistry require converting a quantity from one unit to another. To 

perform this conversion, you must use a conversion factor or series of conversion factors 

that relate two units. This method is called dimensional analysis. 

 

Any equality can be written in the form of a fraction called a conversion factor. A 

conversion factor is easily distinguished from all other numbers because it is always a 

fraction that contains different units in the numerator and denominator.  

 

Converting kilograms to pounds can be performed using the equality 1 kg = 2.20 lb. The 

two different conversion factors that may be written for the equality are shown below. 

Note the different units in the numerator and denominator, a requirement for all 

conversion factors.  

  

Conversion Factors:   
 umerator

Denominator
        

1  g

2.20   
     or       

2.20   

1  g
 

 

Some common units and their equivalents are listed in Table 1.1. You should be able to 

use the information, but you will not be responsible for memorizing the table. The Table 

will be given to you during quizzes and exams.  

 

 

Table 1.1 Some Common Units and Their Equivalents 
 

Length 1 m = 100 cm 1 m = 1000 mm 1 cm = 10 mm 1 km = 1000 m 1nm = 10-9 m 

 

 1Å = 10-10 m 1 in = 2.54 cm 1 ft = 30.48 cm 1 mi = 1.61 km 1 yd = 0.91 m 

 

 1 ft = 12 in. 

 

    

      

Mass 1 kg = 1000 g 1 g = 1000 mg 1 lb = 454 g 1kg = 2.20 lb 1 oz = 28.35 g 

 

 1 lb  = 16 oz  

 

   

      

Volume 1L = 1000 mL 1 mL = 1 cm3 1qt = 0.946 L  1 gal = 3.78 L  

 

      

Energy 1 cal = 4.18 J     

 

      

Temperature ˚F = 1.8˚C + 32 ˚C = (˚F -32)/1.8 K = ˚C + 273.15   
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 Worked Example 1-3 

Write conversion factors for each of the following equalities or statements: 

a) 1 g = 1000 mg     b) 1 foot = 12 inches 

c) 1 quart = 0.946 liter d) The accepted toxic dose of 

     mercury is 0.30 mg per day. 

 Solution 

 

Equality Conversion factor Conversion factor 

 

1 g = 1000 mg      

 

1 g

1000 mg
 

1000 mg

1 g
 

 

1 foot = 12 inches 

 

1 ft.

12 in.
 

12 in.

1 ft.
 

 

1 quart = 0.946 liter 

 

1  t.

0. 4   
 

0. 4   

1  t.
 

The accepted toxic dose of 

mercury is 0.30 mg per day. 

 

0.30 mg

1 da 
 

1 da 

0.30 mg
 

 

 

 

1.7 Problem Solving in Chemistry - Dimensional Analysis 
 

Dimensional analysis is a general method for solving numerical problems in chemistry.  

In this method we follow the rule that when multiplying or dividing numbers, we must 

also multiply or divide units. 

 

Solving problems by dimensional analysis is a three-step process.  

1. Write down the given measurement; number with units. 

2. Multiply the measurement by one or more conversion factors. The unit in each 

denominator must cancel (match) the preceding unit in each numerator. 

3. Perform the calculation and report the answer to the proper significant figures based 

on numbers given in the question (data), not conversion factors used. 
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 Worked Example 1-4 

Convert 0.455 km to meters. 

 

 Solution     
 To convert kilometers to meters, we could use the following equality: 

                                          1 km = 1000 m (See Table 1.1) 

 

      The corresponding conversion factors would be: 

                               

                      
 

 We select the conversion factor to cancel kilometers, leaving units of meters. 

  

 
The number of significant figures in your answer reflect 0.455 km. The exact 

conversion factor does not limit the number of significant figures in your answer. 

 

 

 Worked Example 1-5 

Convert 4.5 weeks to minutes. 

 

 Solution                                 

              
                                                             (45360 rounded to 2 sig figs.) 

 

 Worked Example 1-6 

Convert 2.7 g/mL to lb/L. 

 

 Solution                                 
We need two conversion factors: one to convert g to lb and the other to convert 

mL to L. We know that 1 lb= 454 g and 1 L = 1000 mL (See Table 1.1) 

 

 
Remember that the number of significant figures in your answer reflect 2.7. The 

conversion factors do not limit the number of significant figures in your answer. 
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 Practice 1-7 

Perform each of the following conversions: 

a) Convert 14.7 lb to ounces.  b) Convert 19.8 lb to kilograms. 

c) Convert 23 m/sec to mi/hr. 

 

 Answer 

 

 

Conversion Calculation 

Convert 

14.7 lb to 

ounces 

 

                    

16 oz

1 lb
14.7 lb x = 235 oz

 
Convert 

19.8 lb to 

kilograms 

 

                     
1 kg

2.20 lb

19.8 lb x = 9.00 kg

 
Convert 23 

m/sec to 

mi/hr. 

 

1 km

1000 m

x =
1.0 mi

1.61 km
x

23 m

1.0 sec

3600 sec

1 hr
x

   mi

hr

51

 
 

 

 

 

 

1.8 Density and Specific Gravity 
 
Density is the ratio of the mass of a substance to the volume occupied by that substance. 

 

 
                  

Density is expressed in different units depending on the phase (form) of the substance. 

Solids are usually expressed in grams per cubic centimeter (g/cm
3
), while liquids are 

commonly grams per milliliter (g/mL). The density of gases is usually expressed as 

grams per liter (g/L). 
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 Worked Example 1-7 

If 10.4 mL of a liquid has a mass of 9.142 g, what is its density?   

 

 Solution  

                

  
 

 

Density can be used as a conversion factor that relates mass and volume, note the 

different units in the numerator and denominator. Densities can be used to calculate mass 

if volume is given or calculate volume given mass. For example, we can write two 

conversion factors for a given density of 1.05 g/mL: 

 

mL 00.1

   g 1.05   
    or     

g 1.05

   mL 1.00   
 

 

 

 Worked Example 1-8 

The density of a saline solution is 1.05 g/mL. Calculate the mass of a 377.0 mL                    

sample. 

 

 Solution 

 

 
 

 

 

 Practice 1-8 

The density of rubbing alcohol is 0.786 g/mL. What volume of rubbing alcohol 

would you use if you needed 32.0 g?  

 

 Answer 

  

               

 1.00 mL

0.786 g
= 40.7 mL= 32.0 g xV

We use the density as a conversion factor:
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Specific Gravity is the ratio of the density of liquid to the density of water at 4C, 

which is 1.00 g/mL. Since specific gravity is a ratio of two densities, the units cancel. 

 

 
 

 

An instrument called a hydrometer is used to measure the specific gravity of liquids. 

 

 Worked Example 1-9 

What is the specific gravity of jet fuel if the density is 0.775 g/mL?  

  

 Solution 

                   
                  

 

 

 

 

 Practice 1-9 

A 50.0 mL sample of blood has a mass of 53.2 g. 

a) Calculate the density of the blood. 

b) Calculate the specific gravity of the blood. 

  

 Answer 

 

       

=d
m

V

53.2 g

50.0 mL
=a) =d 1.06 g/mL

specific gravity =

density of blood

density of water

1.06 g/mL

1.00 g/mL
= 1.06=
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1.9 Temperature Scales 

 
Temperature, reported in Fahrenheit (F) or Celsius (C), is used to indicate how hot or 

cold an object is. The SI unit for reporting temperature is Kelvin (K). 

 

See the comparison of the three scales: 

 

Freezing point    Boiling point   Normal body 

         of water      of water           temperature  
 

             Fahrenheit  32F      212F             98.6F 

             Celsius    0C        100C                37C 

             Kelvin   273 K        373 K               310 K   

 

 

The following formulas show the conversions: 

                                                  

Fahrenheit to Celsius:   C = 
1.8

    32) - F(   
 

                                                     

Celsius to Fahrenheit:    F = 1.8 C + 32 

         

Celsius to Kelvin:            K = C + 273 

 

 Practice 1-10 

Complete the following table. 

 

Fahrenheit Celsius Kelvin 

88F   

 -55C  

  469K 

 

 Answer 

 

Fahrenheit Celsius Kelvin 

88F 31C   304 K 

-67F -55C 218 K 

385F 196C 469 K 
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1.10 Heat and Specific Heat 

 
Heat and temperature are both a measure of energy. Heat, however, is not the same as 

temperature. Heat measures the total energy, whereas temperature measures the 

average energy. A gallon of hot water at 200F has much more heat energy than a 

teaspoon of hot water at same temperature. 

Heat can be measured in various units. The most commonly used unit is calorie (cal).  

The calorie is defined as the amount of heat required to raise the temperature of 1 gram 

of water by 1°C. This is a small unit, and more often we use kilocalories (kcal). 

 

1 kcal = 1000 cal 

 

 utritionist use the word “Ca orie” (with a capita  “C”) to mean the same thing as 

kilocalorie. 

 

1 Cal = 1000 cal = 1 kcal 

 

The unit of energy in SI unit is joule (pronounced “jool”), which is about four times as 

big as the calorie: 

 

1 cal = 4.184 J 

 

 

Specific Heat 
Substances change temperature when heated, but not all substances have their 

temperature raised to the same extent when equal amounts of heat are added. 

 

Specific Heat is the amount of heat required to raise the temperature of one gram of a 

substance by one degree Celsius. It is measured in units of cal/g·°C or J/g·°C.   

   

(Recall; 1 cal is required to raise the temperature of 1 gram of water by 1°C, the specific 

heat of water is therefore: 1.00 cal/g·°C, or 4.184 J/g·°C). 

 

Specific heats for some substances in various states are listed in the following table. A 

substance with a high specific heat is capable of absorbing more heat with a small 

temperature change than a substance with lower specific heat. 
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Specific Heats for Some Common Substances 

 

                 Substance           Specific Heat (J/g·°C) 

 

Solids   

 gold 0.128 

 copper 0.385 

 aluminum 0.903 

 ice 2.06 

Liquids   

 mercury 0.138 

 methanol 1.77 

 ethanol 2.42 

 water 4.18 

Gases   

 argon 0.518 

 oxygen 0.915 

 nitrogen 1.041 

 steam 2.03 

 

We can calculate the amount of heat gained or lost by a substance using its specific heat, 

its measured mass, and the temperature change. 

 

  Amount of heat = mass  x  specific heat  x  change in temperature*  

                   q       =    m    x         SH          x      (Tfinal – Tinitial) 

 

* The temperature change cou d a so  e written as Δ (delta T). 

 

If any three of the four quantities in the equation are known, the fourth quantity can be 

calculated. 

 

 

 Worked Example 1-10 

Determine the amount of heat that is required to raise the temperature of 7.400 g 

of water from 29.0°C to 46.0°C. The specific heat of water is 4.18 J/g·°C. 

 

 Solution 

 

q = m x SH x ΔT 

q = 7.400 g x 4.18 J/g·°C x 17.0°C = 526 J 
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 Practice 1-11 

What mass of lead is needed to absorb 348 J of heat if the temp of the sample 

rises from 35.2°C to 78.0°C? The specific heat of lead is 0.129 J/g·°C. 

 

 Answer 

 

             

q = m x SH x T

so m =
q

SH x T

m =
348 J

0.129 J/g°C  x  42.8°C
= 63.0 g

 
 

 

 

 

 Practice 1-12  

It takes 87.6 J of heat to raise the temp of 51.0 g of a metal by 3.9°C. Calculate 

the specific heat of the metal. 

 

 Answer 

 

 

q = m x SH x T

so SH  =

q

m x T

87.6 J

51.0 g  x  3.9°C
= 0.44 J/g°CSH  =
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 Practice 1-13 
 

4.00 x 10
3
 J of energy is transferred to 56.0 g of water at 19°C. Calculate the final 

temperature of water. SH = 4.18 J/g·°C. 

 

 Answer 

             

 

                 4.00 x 10
3 

J 

ΔT =   -------------------------   = 17.1°C 

           56.0 g x 4.18 J/g·°C 

 

ΔT = Tfinal - Tinitial          17.1°C = Tf - 19°C              Tf = 36°C    
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Homework Problems 
 

1.1 

 

Complete the following table. 

 

Decimal notation Scientific notation Number of significant figures 

400,000   

0.000600   

21,995,000   

0.05050   

 7.28 x 10
3
  

 3.608 x 10
-5

  

 9.4090 x 10
4
  

 1.5 x 10
-3

  

 

 

1.2 Perform the following calculations to correct number of significant figures. 

a. 4.6  x  0.00300  x 193 

b. 8.88  ÷ 99.40 

c. (7.120 x 10
-3

)  ÷  (6.000 x 10
-5

) 

d. (5.92 x 10
3
)  x  3.87  ÷ 100 

 

 

 

1.3 Perform the following calculations to correct number of significant figures. 

a. 102 – 5.31 – 0.480 

b. (3.42 x 10
-4

) + (5.007 x 10
-4

) 

c. 7.8 - (8.3 x 10
-2

) 

d. (3.8 x 10
6
) - (8.99 x 10

6
) 

 

 

 

1.4 Perform the following conversions. Show your set ups. 

a. 683 nanometer (nm) to angstrom (Å) 

b. 520 mi/h to m/sec 

c. 0.714 g/cm
3
 to lb/ft

3 

d. -164°C to °F 

 

 

 

1.5 A physician has ordered 37.5 mg of a particular drug over 15 minutes. If the drug 

was available as 2.5 mg/mL of solution, how many mL would you need to give 

every 15 seconds?  
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1.6 What is the density of a metal sample if a15.12-g sample is added into a 

graduated cylinder increased the liquid level from 35.00 mL to 40.60 mL? 

 

 

 

 

 

1.7 The density of copper is 8.96 g/cm
3
. You have three different solid samples of 

copper. One is rectangular with dimensions 2.3 cm x 3.1 cm x 8.0 cm. The 

second is a cube with edges of 3.8 cm. The third is a cylinder with a radius of  

1.5 cm and a height of 8.4 cm. Calculate the mass of each sample. 

 

 

 

 

 

 

1.8 A 50.00-g sample of metal at 78.0°C is dropped into cold water. If the metal 

sample cools to 17.0°C and the specific heat of metal is 0.108 cal/g·°C, how 

much heat is released? 
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2.1 The Atomic Theories 

2.2 The Structure of The Atom 

2.3 Atomic Number, Mass Number and Isotopes 

2.4  The Periodic Table  

2.5 Molecules and Ions 

2.6 Chemical Formula 

2.7 Naming Compounds 
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Dalton’s Atomic Theory 

1. Elements are composed of extremely small particles called atoms. Atoms 

of the same element all have the same size, mass and chemical 

properties.  The atoms of one element are different from the atoms of all 

other element. 

2. Compounds are composed of atoms of two or more elements. In any 

compound, the ratio of the numbers of atoms of any two of the elements 

present is either an integer or a simple fraction. 

3. A chemical reaction involves only the separation, combination, or 

rearrangement of atoms; it does not result in their creation or destruction. 

Law of Definite Proportions 

 

- Different samples of the same compound always contains its elements in a 

definite proportion by mass.  

H2O 
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Law of Conservation of Mass 

 

- Matter is neither created nor destroyed 

 

 

The Modern View of Atomic Structure 

Atom- the basic unit of an element that can enter into chemical combination 

(extremely small and indivisible) 

Three subatomic particles - electrons , protons, and neutrons. 

 

 

 

 

 

Law of Multiple Proportions 
 

- In different compounds of the same elements, the various masses of one element 

that combine  with a fixed mass of another element are related by small whole-

number ratios. 

16 X 8 Y + 8 X
2
Y 
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- The cathode ray consist of negatively charged particles found in all matter  

- Thomson together with Millikan concluded  that the mass of an e - is 

exceedingly small  (e - mass = 9.10 x 10
-28

 g). 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Thomson Cathode Ray Tube experiment  

(Uranium 

compound)
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Three types of rays produced by decay of radioactive substances such as  

“Uranium”.. 

(i) Alpha ( ) rays .. positively charged particles (  ) particles .. deflected by 

positively charged plate 

(ii) Beta () rays .. electrons .. deflected by negatively charged plate 

(iii) Gamma () rays .. high-energy rays .. no charge and are not affected by an 

external field. 

 

 

Thomson’s Model  

 
– a spherical atom composed of diffuse, positively charge matter, in which e- 

embedded like “raisin in a plum pudding”.   
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Rutherford’s gold foil -scattering experiment 
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Rutherford’s Model of the Atom 

 
1. atoms positive charge is concentrated in the nucleus 

2. proton (p) has opposite (+) charge of electron (-) 

3. mass of p is 1840 x mass of e
-

 (1.67 x 10
-24

 g) 

 

 

 

 

 

 

 

 

 

atomic radius ~ 100 pm = 1 x 10-10 m 

nuclear radius ~ 5 x 10-3 pm = 5 x 10-15 m 

 

  

 

 

 

 

 

  

neutron (n) is neutral (charge = 0) 

n mass ~ p mass = 1.67 x 10
-24

 g 

 

Chadwick’s Experiment (1932) 

H atoms - 1 p; He atoms - 2 p 

mass He/mass H should = 2 

measured mass He/mass H = 4 

2n 0n 
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mass p ≈ mass n ≈ 1840 x mass e

-

 

  

  Atomic number, Mass number and Isotopes 

 

Atomic number (Z) = number of protons in nucleus 

   Mass number (A) = number of protons + number of neutrons  

                                 =  atomic number (Z) + number of neutrons 

Isotopes are atoms of the same element (X) that have the same atomic number 

but different mass numbers 
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The Isotopes of Hydrogen 

 

 
 

 

 

 

 

 

 

 

 

 

 



 
 

10 
 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

  

 

 

 Naturally occurring carbon consists of three 

isotopes,
12

C, 
13

C, and 
14

C.  State the number of protons, 

neutrons, and electrons in each of the following.  
 

     
12

C  
13

C  
14

C 

                 
6              6                  6  

 

 Proton         6                   6                      6 

 Neutron        6                   7                      8 

       Electron       6                   6                      6 
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A  monatomic ion contains only one atom 

 

Na
+

, Cl
-

, Ca
2+

, O
2-

, Al
3+

, N
3-

 

A polyatomic ion contains more than one atom 

 

OH
-

, CN
-

, NH
4

+

, CO
3

2−

,HCO
3

−

 , SO
4

2− 

, PO
4

3− 

,NO
3

- 

,NO
2

−

 

 

 

The names of common polyatomic anions  
 

• end in ate. 

  NO
3

−  

nitrate  PO
4

3−       

phosphate 

• with one oxygen less end in ite. 

  NO
2

−  

nitrite  PO
3

3−       

phosphite 

•  with hydrogen attached use the prefix hydrogen (or bi). 

 HCO
3

−

  hydrogen carbonate (bicarbonate) 

 HSO
3

−

  hydrogen sulfite    (bisulfite) 
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A base can be defined as a substance that yields  hydroxide ions (OH
-

) when 

dissolved in water. 
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3.1 Atomic Mass  

3.2 Molar mass and Avogadro’s Number 

3.3 Molecular Mass 

3.4 Percent Composition of Compounds 

3.5 Chemical Reactions and Chemical Equations 

3.6 Amounts of Reactants and Products 

3.7 Limiting Reagents 

3.8 Reaction Yield 
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The mole (mol) is the amount of a substance that  contains as 

many elementary entities (atoms, ions or molecules) as there 

are atoms in exactly 12 grams of 12C. 
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Molar mass is the mass of 1 mole of units  (atoms/molecules) 

in grams. 
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1 mol of C contains 6.022 x 10 

23

 C atoms and  has a mass of 12.01 g (molar 

mass ) 
 

 

 

M = molar mass in g/mol 

NA = Avogadro’s number 
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4.1 General Properties of Aqueous Solutions 

4.2 Precipitation Reactions 

4.3 Acid- Base Reactions 

4.4 Oxidation-Reduction  / Redox Reactions 

4.5 Concentration of Solutions 

4.6 Titration 
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4.1 General Properties of Aqueous Solutions 
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Identify the solute in each of the following solutions. 

A.  2 g sugar and 100 mL water 

B.  60.0 mL of ethyl alcohol and 30.0 mL of methyl alcohol 

C. 55.0 mL water and 1.50 g NaCl   

D. Air: 200 mL O
2
 and  800 mL N

2   
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4.2 Precipitation Reactions  
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4.3 Acid- Base Reactions 
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4.4 Oxidation-Reduction  / Redox Reactions 
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What are the oxidation numbers of the element in the 

following ? 
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4.5 Concentration of Solutions 
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5.3 The Gas Laws 

5.4 The Ideal Gas Equation 

5.5 Gas Stoichiometry 

5.6 Dalton’s Law of Partial Pressures 

5.7 The Kinetic Molecular Theory of Gases 

5.8 Deviation From Ideal Behavior  
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5.1 Substances That Exist As Gases 
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5.2 Pressure of A Gas 
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5.3 The Gas Laws 
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5.4 The Ideal Gas Equation 

 

 

 

 

 

 

 

 

 

 

 

Ideal Gas 

Ideal gas is a hypothetical gas whose pressure volume-

temperature behaviour can be completely accounted for 

by the ideal gas equation.  At 0 °C and 1 atm pressure, 

many real gases behave like an ideal gas. 
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5.5 Gas Stoichiometry 
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5.6 Dalton’s Law of Partial Pressures 
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5.7 Kinetic Molecular Theory of Gases 
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5.8 Deviations from Ideal Behaviour 
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6.1 The Nature of Energy and Types of Energy 

6.2 Energy Changes in Chemical Reactions 

6.3 Introduction to Thermodynamics 

6.4 Enthalpy 

6.5 Calorimetry 

6.6 Standard Enthalpy of Formation and Reaction 

6.7 Heat of Solution and dilution 
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6.1 The nature of energy and types of energy  
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6.2 Energy changes in chemical reactions 
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6.3 Introduction to thermodynamics 
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6.4 Enthalpy 
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6.5 Calorimetry 

 

  

 

 

 

 

 

  

 

 

 

 

 

 

 

 

 

 



117 
 

 

 

 

 

 

 

 

 

 

 

 

  

 

 

 

 

 

 

 



118 
 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



119 
 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

  

 



120 
 

 

 

 

 

 

 

 

 

 

 

6.6 Standard enthalpy of formation and reaction 
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6.7 Heat of solution and dilution 

 

 

 

 

 

  

 

 

 

 

 

 

 

 

 

 

  

 



126 
 

 

 

 

 

 

 

 

 

 



HAMAD KHALEEFAH ABDULKADIR                                                     1ST. STAGE,  CHEMISTRY 
   ASSIST. PROF. IN CHEMISTRY                                  COLLEGE OF ENGINEERING / Al-ANBAR UNIVERSITY 

 

 

LECTURE  7 

Quantum Theory and The Electronic Structure of Atoms 

 

 

 

 

 

7.1 From Classical Physics to Quantum Theory 

7.2 The Photoelectric Effect 

7.3 Bohr’s Theory of The Hydrogen Atom 

7.4 The Dual Nature of The Electron 

7.5 Quantum Numbers 

7.6 Electron Configuration 

7.7 The Building-up Principle 
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7.1 From Classical Physics To Quantum Theory 

 

 

  

 

 

 

 

 

 



129 
 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



130 
 

 

 

 

 

 

 

 

 

 

 

 

7.2 The Photoelectric Effect 
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7.3 Bohr’s Theory Of The Hydrogen Atom 
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7.4 The Dual Nature Of The Electron 
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7.5 Quantum Numbers 
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7.6 Electron Configuration 
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7.7 The Building-up Principle 
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8.1 Periodic Classification of The Elements 

8.2 Periodic Variation in Physical Properties 

8.3 Ionization Energy 

8.4 Electron Affinity 

8.5 Variation in Chemical Properties of The  

Representative Elements 
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8.1 Periodic Classification of The Elements 
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8.2 Periodic Variation In Physical Properties 
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Chlorine 

+17   Actual nuclear charge 

-10   Inner shell electrons 

+7   Effective nuclear charge 
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8.3 Ionization Energy 
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8.4 Electron Affinity 
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Chemical Bonding 

 

 

    

  Explain The Formation of Ionic Bonds. 

 Define and Give Examples of Ionic Solids. 

 Explain The Formation of Covalent Bonds. 

 Define And Give Examples Of Simple Molecular Solids. 

 Explain Metallic Bonding. 

 Relate the structure of sodium chloride to its properties. 

 Distinguish between ionic and simple molecular solids.   

 

 

 

top
Text Box



172 
 

The Electronic Structure  of Noble Gases 

 

 The noble gases like helium, neon and argon, which are in Group 0 of the 

Periodic Table, are very unreactive.  

 They do not form bonds with other atoms. 

 They have fully filled outermost (valence) shells. 

 Except for helium, which has 2 outer electrons, all the other noble gases 

have 8 outer electrons. 

 The outer shell of 8 electrons is called an octet structure and it makes 

the atom very stable. E.g. Helium, neon, argon 

 Atoms of other elements become stable like the noble gases by losing or 

gaining electrons or by sharing electrons. 

 They achieve this by forming bonds with other atoms. 
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Ionic Bonds 

 

 When sodium reacts with chlorine, the sodium atom loses an electron to 

become a positively charged sodium ion: 

 

 

 The chlorine atom gains an electron to become a negatively charged 

chloride ion: 
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 The positive sodium ion and the negative chloride ion then attract each 

other to form sodium chloride. 

 

 

 

 Sodium chloride is called an ionic compound. 

 

Other ionic compounds 

 

 

 

 

 

  

 

 

  

 

 Another example of an ionic compound is 

that formed between magnesium and 

chlorine. 

 

 Each magnesium atom transfers 2 

electrons, one to each chlorine atom, to 

form magnesium chloride. 
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Exercise One 

1. Ionic bonds are formed between a metal and a non-metal. 

2.A metal atom loses an electron to form a positive ion while a non-metal gains 

an electron to become a negative ion. 

3. The two oppositely charged ions attract each other to form an ionic  

compound. 

4. An ionic bond is formed by the transfer of electrons.  

5. (a) Is aluminium oxide an ionic or covalent compound? 

    - Aluminium oxide is an ionic compound. 

 

(b) State the formula of aluminium oxide.   

 - Al2O3  

 

Covalent Bonds 

 A hydrogen atom has only one electron in its first shell. 

 To achieve a more stable structure like helium, it needs one more electron 

in the first shell. 

 So two hydrogen atoms join together and share their electrons. A 

hydrogen molecule is formed. 
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 This sharing of electrons is called covalent bonding. 

 In an oxygen atom, the outer shell has 6 electrons, so to achieve an octet 

structure of 8 electrons like neon, two oxygen atoms combine to share 4 

electrons. 

 

 

 

 

 

 

 

 

 

Other covalent molecules 

 

 

  

 

 

 

This is called a double bond. 
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Types of Covalent Bonds 

 

Nonpolar covalent bond – electrons are shared equally 

 

 

 

 

 

 

 

 

  

 

 

Types of Chemical Bonds 

Polar covalent – electrons are not shared equally because one atom attracts the 

shared electrons more than the other atom. 

 

 

 



178 
 

Classifying Chemical Bonds 

 The polarity of a bond depends on the difference between the 

electronegativity values of the atoms forming the bonds. 

 Nonpolar covalent – 0 to 0.3 

 Polar covalent – 0.4 to 1.7 

 Ionic – greater than 1.8 

 

 

 

 

Practice 

 

 Use electronegativity values to classify the following bonds: 

  a.  Sulfur and Hydrogen  2.5 – 2.1 = 0.4; polar covalent 

  b.  Lithium and Fluorine  4.0 – 1.0 = 3.0; Ionic 

  c.  Potassium and Chlorine  3.0 – 0.8 = 2.2; Ionic 

  d.  Iodine and Bromine 2.8 – 2.5 = 0.3; Nonpolar  covalent 

  e.  Carbon and Hydrogen 2.5 – 2.1 = 0.4 ; polar covalent 
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Chemical Bonding 

Exercise two 

1.The joining of atoms to form a molecule is called chemical bonding. 

2. The two types of bonds are covalent bond and  ionic bond. 

3. Covalent bonds are formed by the sharing of electrons. 

4. Ionic bonds are formed by the transfer of electrons. 

5. Covalent bonds are formed between non-metals  e.g. hydrogen, oxygen 

and carbon. 

 

Properties of Covalent Compounds 

The intermolecular forces between the molecules are weak so covalent 

compounds have low melting and boiling points.  For example, water, a 

covalent compound, has a melting point of 0 oC and  a boiling point of 

100 oC. 

Weak intermolecular forces 
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Properties of Covalent Compounds 

 Covalent compounds do not conduct electricity in any state. 

 Most covalent compounds are insoluble in water. Instead they are 

soluble in organic solvents. 

For e.g. iodine is insoluble in water, but soluble in ethanol. 

 

 

Properties of Ionic Compounds 

 

The electrostatic forces between the oppositely-charged ions are very strong so 

ionic compounds have very high melting points and boiling points.  For e.g. 

sodium chloride, an ionic compound, has a melting point of 801 oC and  a 

boiling point of 1 517oC. 
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Properties of Ionic Compounds 

 Ionic compounds conduct electricity when molten or dissolved in 

water. This is because the ions can move about and conduct electricity. 

 Most ionic compounds are soluble in  water, but insoluble in organic 

solvents.  For e.g. sodium chloride is soluble in water, but insoluble in oil 

or petrol.   

 

 

 

Differences between Ionic and Covalent Compounds 
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Exercise Three 

1. Covalent compounds have weak forces of attraction between the molecules, 

so they have low melting points and low boiling points. 

2.Ionic compounds have very strong forces of attraction between the oppositely 

charged ions, so they have very high melting points and high boiling points. 

3. All covalent compounds cannot conduct electricity. 

4. All ionic compounds can conduct  electricity when they are molten or 

dissolved in water. 

5. Sugar is a covalent compound but it is soluble in water. State one test you 

would use to show that sugar is a covalent compound. 

- Dissolve some sugar in water, then try to pass electricity through it. The sugar 

solution will not able to conduct electricity.   

6. The table below shows 3 substances. 

 

(a)Which substance is an ionic compound? 

-  Ionic compound: B 

(b)Which substance is a metal? 

-  Metal: C 

(c)   Which substance could be a covalent compound? 

- Covalent compound: A 
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Macromolecular Structures 

Simple molecules 

 Many covalent substances like water, methane, carbon dioxide and 

iodine exist as small molecules. 

 These compounds are said to have simple molecular structures. 

 

Macromolecules 

 Some covalent substances like silicon dioxide (SiO2), diamond and 

graphite are made up of very large molecules. 

 These substances are said to have macromolecular structures. 

 

Properties of Macromolecules 

 Due to the large structures of these macromolecules, their chemical and 

physical properties are different from those of the simple molecules. 

 The macromolecules are solids with very high melting and boiling points. 

E.g. The melting point of diamond is 3550 oC, compared to 0 oC for 

water. 

 Due to their sizes, they are also not as reactive compared to the simple 

molecules.   

 

Metallic bonding 

 Metals are also made up of very large lattice structures. 

 The metallic structure consists of a lattice of positive ions in a ―sea of 

electrons‖. 

 Metals are malleable because the layers of atoms can slide over one 

another easily as they are being arranged in neat layers. 
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Macromolecular Structures 

 

Properties of Metallic structure 

 The closely packed positively charged metallic ions form a lattice 

structure with the outer electrons moving freely around the whole 

metallic structure. 

 The electrostatic attraction between the metallic ions and the electrons 

holds the metallic ions tightly in the lattice and this gives the metal a 

high melting point. 

 The free electrons are able to move and conduct electricity and heat.  

  This explains why metals are good conductors of heat and electricity. 

 

 

 

 

 

 

 

Metallic bonding occurs as a result of electromagnetism and describes the 

electrostatic attractive force that occurs between conduction electrons (in the 

form of an electron cloud of delocalized electrons) and positively charged metal 

ions. It may be described as the sharing of free electrons among a lattice of 

positively charged ions (cations). In a more quantum-mechanical view, the 

conduction electrons divide their density equally over all atoms that function as 

neutral (non-charged) entities. Metallic bonding accounts for many physical 

properties of metals, such as strength, ductility, thermal and electrical resistivity 

and conductivity. 
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Metallic bond 

Because the electrons move freely, the metal has some electrical conductivity. It 

allows the energy to pass quickly through the electrons, generating a current. 

Metals conduct heat for the same reason: the free electrons can transfer the 

energy at a faster rate than other substances with electrons that are fixed into 

position. There also are few non-metals which conduct electricity: graphite 

(because, like metals, it has free electrons), and ionic compounds that are 

molten or dissolved in water, which have free moving ions. 

 

Metallic bonding is not the only type of chemical bonding a metal can exhibit, 

even as a pure substance. For example, elemental gallium consists of 

covalently-bound pairs of atoms in both liquid and solid state—these pairs form 

a crystal lattice with metallic bonding between them. Another example of a 

metal–metal covalent bond is mercurous ion (Hg2+). 

 

Macromolecular Structures 

 

Van der Waals Forces 

- Van der Waals forces of attraction can exist between atoms and 

molecules.    

- They are not the same as ionic or covalent bonds. They arise because of 

fluctuating polarities of nearby particles. 

- The shape and size of molecules affect the strength of the van der Waals 

forces. The larger the force, the higher the melting and boiling point. 
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Dipole-Dipole Attraction 

 

Attractive forces that exist between molecules that have permanent dipoles.  

 These exist in any polar substance. 

Weaker than Ion-Dipole force 

Increased polarity, stronger dipole-dipole attraction. 

 

 

 

 

Van der Waals forces 

 Hydrogen bonding, the strongest of the Van der Waals forces, is an 

especially strong type of dipole-dipole force.  

 

 Hydrogen bonding arises only between molecules that have hydrogen 

atoms directly bonded to a very electronegative atom, specifically either 

fluorine, oxygen or nitrogen, which enhances partial charge development. 
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Hydrogen bonding 

 Water is a great example of a molecule that experiences hydrogen 

bonding, which gives rise to the many unique properties of this universal 

solvent! 

 

 

 

 

 

 

 

Macromolecular Structures 

Exercise Four 

The pictures below show 3 types of molecular structures. 

 

 

 

 

Identify the substance or the type of bonds shown  by each structure. 

 

Solution to exercise four 

A: silicon dioxide; macromolecular. 

B: metallic bonding. 

C: ionic crystal lattice. 
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9.1 Lewis Dot Symbols 

 

 When atoms interact to form chemical bond, only their outer region are in 

contact   

 The Octet Rule: in forming chemical bonds, atoms usually gain, lose or 

share electrons until they have 8 in the outer shell to reach the same 

electronic configuration of the noble gasses (ns2 np6) (except hydrogen, 

helium and lithium). 

 Lewis Dot Representation: In the representation of an atom, the valence 

electrons of an atom (outer most shell electrons) are represented by dots. 

 There are two main types of chemical bonds: ionic bond and covalent 

bond. 

 

 

 

 

Table 9.1  Lewis Dot Symbols 
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Types of Bonds 

 

 

9.2 The Ionic Bond 

 

 ionic bond is the electrostatic force that hold ions together in an ionic 

compound. 

 

 

 

 

 the resulting anions & cations attract each other in such a ratio that the 

charges cancel out. 

Note:  Do not show the charges in the final product.  

 Example:      KI    NOT     K+I- 

 

Example:   Ba+2 &  F-  -  Need two negatives to neutralize +2 charge on 

barium ion:   Ba+2  F-1  F-1    =     BaF2 
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Example 9.1 

 

Use Lewis dot symbol to show formation of  Al2O3 

 

 

 

 

 

 

 

 

9.3 The Covalent Bond 

 

 A covalent bond is a chemical bond in which two or more electrons are 

shared by two atoms. 

 

 

 

 

 

 

 

 

 

Lewis structure of F
2
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Lewis structure of water 

 

 

 

 

Double bond – two atoms share two pairs of electrons 

 

 

 

 

Triple bond – two atoms share three pairs of electrons 

 

 

 

 

 

 Polar covalent bond or polar bond is a covalent bond with greater electron 

density around one of the two atoms. 
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Comparing of the properties of covalent and  ionic 

 Covalent compounds are usually gases, liquid and low melting solid.  

 Ionic compounds are solids at room temperature and high melting point. 

 Many ionic compounds are soluble in water , and the resulting aqueous 

solutions conduct electricity, because the compounds are strong 

electrolytes. 

 

9.4 Electronegativity 

 Electronegativity is the ability of an atom to attract toward itself the 

electrons in a chemical bond. 

 High electronegativity →pick up electron easily . 

 

 Electronegativity increase from left to right in period.  

 Electronegativity increase from bottom to up in group .  

 Transition metals don’t follow these trend. 

 

 Nonmetals have high electronegativity, metals have low 

electronegativity. 

 

 high difference in electronegativity (2 or more ), element tend to form 

ionic bond.(NaCl) 

 small difference in electronegativity, element tend to form polar covelent 

bond .(HCl) 

 Same electronegative of the same elements from pure covelent bond 

(H2). 

 

 

 

 



177 
 

The Electronegativities of Common Elements 

 

 

 

 Electron Affinity (EA) and electronegativity are related but in 

different concept  

 (EA)  refers to isolated atoms attraction for additional electron 

(experimental)  

 EA →measurable, Cl is highest 

 

 Electronegativity signifies the ability of an atom in a chemical 

bond( with another atom) to attract the shared electrons 

(estimated )  

 Electronegativity - relative, F is highest 
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Variation of Electronegativity with Atomic Number 

 

 

Example 9.2 
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9.5  Writing Lewis structures 

 

 

Writing Lewis Structures 
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NH4+    

 

 Step 2 –  A= 5X1 + 1X4 -1 = 8 valance electrons  

 Step 3 – B =  8X1+2X4 =16 electrons 

 Step 4 - C = 16-8 =8/2=4 bonds 

 Step 5 - D= 8-4 =4 non bonding electrons , 2 pair of electrons 

 

 

 

Example 9.3 
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Example 9.3 

Write the Lewis structure of carbon disulfide (CS2). 

 Step 1 – C is less electronegative than S, put C in center 

 Step 2 –  A= 4X1 + 6X2 = 16 valance electrons  

 Step 3 – B =  8X1+8X2 =24 electrons 

 Step 4 – C = 24-16 =8/2=4 bonds 

 Step 5 – D= 16-8 =8 nonbonding electrons or 4 pair of electrons  

 

 

  

Example 9.4 

 Write the Lewis structure for nitric acid (HNO3) in which the three O 

atoms are bonded to the central N atom and ionizable H atom is bonded 

to one of the O atom. 

 Step 1 –put N in center ,surrounded by 3O atoms , H bonded to one of the 

O  

 Step 2 – Count valence electrons  5 + (3 x 6) +1 = 24 nonbonding 

electrons or 12 pair of electrons.  
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Example 9.4 

Write the Lewis structure of formic acid (HCOOH ). 

 Step 1 –put C in center ,surrounded by 2O atoms , H Step 2 –  A= 4X1 + 

6X2 +2x1 = 18 valance electrons  

 Step 3 – B =  8X1+8X2 +2 x2 =28 electrons 

 Step 4 - C = 28-18 =10/2=5 bonds 

 Step 5 - D= 18-10 =8 nonbonding electrons or 4 pair of electrons 

 

 

 

 

Example 9.5 

Write the Lewis structure of carbon dioxide [CO3]-2 

 Step 1 – C is less electronegative than O, put C in center 

 Step 2 –  A= 4X1 + 6X3 +2 = 24 valance electrons  

 Step 3 – B =  8X1+8X3 = 32 electrons 

 Step 4 - C = 32-24 =8/2=4 bonds 

 Step 5 - D= 24-8 =16 nonbonding electrons or 8 pair of electrons 
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Example 9.5 

Write the Lewis structure of carbon dioxide [NO2]-1 

 Step 1 – N is less electronegative than O, put N in center 

 Step 2 –  A= 5X1 + 6X2 +1 = 18 valance electrons  

 Step 3 – B =  8X1+8X2 = 24 electrons 

 Step 4 - C = 24-18 =6/2=3 bonds 

 Step 5 - D= 18-6 =12 nonbonding electrons or 6 pair of electrons 

 

  

 

 

9.6 formal charge and Lewis structures 

formal charge is the difference between the number of valence electrons in an 

isolated atom and the number of electrons assigned to that atom in a Lewis 

structure. 
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 For molecules , the sum of the charges should be zero 

 For ion , the sum of the charges should be -ve for anions  

 For ion , the sum of the charges should be +ve for cations  

 formal charge and Lewis structures 

1. For neutral molecules, a Lewis structure in which there are no formal 

charges is preferable to one in which formal charges are present. 

2. Lewis structures with large formal charges are less plausible than those 

with small formal charges. 

3. Among Lewis structures having similar distributions of formal charges, 

the most plausible structure is the one in which negative formal charges 

are placed on the more electronegative atoms. 
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Example 9.6 

 

 

 

9.7 the concept of resonance  

 A resonance structure is one of two or more Lewis structures for a 

single molecule that cannot be represented accurately by only one 

Lewis structure (after formal charge has been determined ). 

 More possible structures gives the overall structure more validity. 
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Example 9.8 

Draw three resonance structure for N2O (NNO),indicate formal charge rank the 

structures . 
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9.8 the exception of octate rules 

 There are three types of ions or molecules that do not follow the octet 

rule: 

  

 Ions or molecules with an odd number of electrons 

 Ions or molecules with less than an octet ( the incomplete Octet) 

 Ions or molecules with more than eight valence electrons (an expanded 

octet) 

 

Ions or molecules with an odd number of electrons 

 

 Though relatively rare and usually quite unstable and reactive, 

there are ions and molecules with an odd number of 

electrons(radical). 

 

 

 

 

The incomplete Octet 

 

 Covalent compounds containing Group  3 atoms may be satisfied 

with 6 valence electrons. 
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An expanded octet 

 

 Usually occurs in element in 3rd period and beyond   

                    More than 4 bonds 

 Elements ≥ row 3 can use s, p & d orbitals and have > 8 VE 

 P: 8 OR 10 

 S: 8, 10, OR 12 

 Xe: 8, 10, OR 12 

 

Examples  

SF6        PF5      XeF4 

 

Example 9.9 
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Example 9.10 

 

 

 

Example 9.11 
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