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        Chapter 1	   		
Introduction

The Study of Chemistry: is the study of matter and the changes it undergoes, and the energy associated with those changes. Chemistry is often called “ central science.”

The Scientific Method: a systematic approach to research. The method has the following steps:
	Defining the problem.

Performing experiments, making careful observation, and recording information, or data. The data obtained may be both Qualitative and Quantitative.
Qualitative: consisting of general observations about the system.
Quantitative: comprising numbers obtained by various measurements of the system.
	Interpretation, meaning that the scientist attempts to explain the observed phenomenon.

Based on the data that were collected, the researcher formulated a hypothesis (or tentative explanation for a set of observations).
A Law: is a concise verbal mathematical statement of a relationship between phenomena that is always the same under the same condition.
A theory: is a unifying principle that explains a body of facts and / or those laws that are based on them. 
Theories, too, are constantly being tested. If a theory is disproved by experiment, then it must be discarded or modified so that it becomes consistent with experimental observations.

Classification Of Matter:
Matter: .is anything that occupies space and has mass. 
All matter, at least in principle, can exist in three states: solid, liquid, and gas.

Substances and Mixtures:
A substance: is a matter that has a definite composition and distinct properties. Examples are water, silver, ethanol, sodium chloride, carbon dioxide.
A mixture: is a combination of two or more substances in which the substances retain their distinct identities. Examples are air, soft drinks, milk, and cement.
Mixtures are either homogenous or heterogeneous.
Homogenous mixture: composition of the mixture is the same throughout the solution. As soft drinks.
Heterogeneous mixture: composition is not uniform throughout. As oil in water.

Elements and Compounds:
An Element: is a substance that cannot be separated into simpler substances by chemical means.
115 elements have been identified: 83 elements occur naturally on Earth,32 elements have been created by scientists.
Table 1.1: Some Common Elements and Their Symbols.
A Compound: is a substance composed of atoms of two or more elements chemically united in fixed proportions. 
Compounds can be separated only by chemical means into their pure components elements.
Examples: water (H2O), ammonia (NH3), sulfuric acid (H2SO4).

Physical and Chemical Properties of Matter:
Physical Property can be measured and observed without changing the composition or identity of a substance.
Example: color, density hardness, melting and boiling points.
Chemical Properties: the property that is observed due a chemical change. 
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Example: oxidation of matter (burning or rusting), formation of insoluble solid (precipitation), release of heat or light.

All measurable properties of matter fall into two categories:
Extensive property: depends on how much matter is being considered.
Examples: length, volume and mass.
Intensive property: does not depend on how much matter being considered.
Examples: color, temperature, density and concentration.
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Measurements:
We can use measurements to compare the properties of different substances
Macroscopic properties: can be determined directly.
Microscopic properties: on atomic or molecular scale, must be determined by an indirect method. 

SI Units:
The following table shows the seven SI base units.

Quantity
Unit
Symbol
Mass
kilogram
kg
Length
meter
m
Time
second
s
Temperature
kelvin
k
Amount of substance
mole
mol
Electric current
ampere
A
Luminous intensity
candela
cd

Mass and Weight:
Mass: is a measure of the quantity of matter in an object.
Weight: is the force that gravity exerts on an object

Table 1.3: Prefixes Used with SI units

Prefix
Symbol
Meaning
Prefix
Symbol
Meaning
Tera-
T
1012
Centi-
c
10-2
Giga-
G
109
Milli-
m
10-3
Mega-
M
106
Micro-
m
10-6
Kilo-
k
103
Nano-
n
10-9
Deci-
d
10-1
Pico-
p
10-12

1 kg = 1000g = 1*103 g
Volume: is length (m) cubed.
Can be measured in cm3 (cubic centimeter), dm3 (cubic decimeter).
1 cm3 = (1*10-2 m)3 = 1*10-6 m3
1 dm3 = (1*10-1 m)3 = 1*10-3 m3

Another common. Non SI unit of volume is the liter (L). 
A liter: is the volume occupied by one cubic decimeter.
1 L = 1000 mL = 1000 cm3 = 1 dm3
1 mL = 1 cm3
Density: is the mass of an object divided by its volume.
d = m/V  The SI unit for density is (kg/m3).This unit is large for most chemical applications. Therefore, g/mL or g/cm3 is commonly used for solid and liquid densities. Because gas densities are often very low, we express them in g/L.
1 g/cm3 = 1 g/mL = 1000 kg/m3
1 g/L = 0.001 g/mL
Example 1.1

Temperature:
The SI unit of temperature is K (Kelvin)- never “degrees kelvin”.
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To convert degrees Fahrenheit to degrees Celsius, we write:
? oC = (oF – 32oF) * 5 oC/9 oF
To convert degrees Celsius to degrees Fahrenheit, we write:
? oF = 9 oF/5 oC * (oC) + 32oF
Example 1.2

Handling Numbers:
To handle very large and very small numbers, we use a system called scientific notation 
Regardless to their magnitude, all numbers can be expressed in the form   N *10 n
N is the number between 1 and 10
n is an exponent that can be a positive or negative integer.
In order to convert a certain number into a scientific notation, the decimal point is moved either to right or to left to give the number N.
568.762 = 5.68762 * 102
0.00000772 = 7.72 * 10-6
Addition and Subtraction:
(7.4 * 103) + (2.1 * 103) = 9.5 * 103
(4.31 * 104) + (3.9 * 103) = (4.31 * 104) + (0.39 * 104) = 4.70 * 104

Multiplication and Division:
(8.0 * 104) * (5.0 * 102) = (8.0 * 5.0) (104+2) = 40 * 106) = 4.0 * 107
		(6.9 * 107)/(3.0 * 10-5) = (6.9/3.0) * 107-(-5) = 2.3 * 1012

Significant Figures: are the meaningful digits in a measured or calculated quantity.
When significant figures are used, the last digit is understood to be uncertain.
•Any digit that is not zero is significant
845 cm     3 significant figures
•Zeros between nonzero digits are significant
10106 m         5 significant figures
•Zeros to the left of the first nonzero digit are not significant
0.08 L         1 significant figure
•If a number is greater than 1, then all zeros to the right of the decimal point are significant
2.0 mg         2 significant figures
•If a number is less than 1, then only the zeros that are at the end and in the middle of the number are significant
0.00420 g    3 significant figures   (4.20 mg)

Example 1.3

In Addition and Subtraction:
The answer cannot have more digits to the right of the decimal point than either of the original numbers.
Example: 	89.332 + 1.1 = 90.432		≈ 90.4
		2.097 – 0.12 = 1.977		≈ 1.98

In Multiplication and Division:
The number of significant figures in the final product is determined by the original number that has the smallest number of significant figures.
Example:	2.8 * 4.5039 = 12.61092	≈ 13


		6.85 / 112.04 = 0.0611388789	≈ 0.0611

Exact Numbers: from definitions or by counting numbers of objects are considered to have an infinite number of significant figures.
Example: The average of the two measured lengths; 6.64, 6.68 is
		(6.64 + 6.68) / 2 = 6.66      not 7         Because 2 is an exact number.
Example: 1.4

Accuracy and Precision: 
Accuracy: how close a measurement is to the true value of the quantity that was measured.
Precision: how closely two or more measurements of the same quantity agree with one another.
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The Factor-Label Method of Solving Problems: 
1.Determine which unit conversion factor(s) are needed.
2.Carry units through calculation.
3.If all units cancel except for the desired unit(s), then the problem was solved correctly.
Examples: 1.5, 1.6.

Selected Problems: 8, 9, 11, 18, 20, 22, 24, 26, 28, 30, 39, 41, 46, 48, 58.

