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How to Use This Book



Barron’s Chemistry Practice Plus is designed to offer essential review of key topics and loads of online practice to help you excel in chemistry.


Online Practice


Access more than 400 questions in online quizzes arranged by topic for customized practice! All questions include answer explanations.


What Will You Learn in the Book?


Key review and topics are covered so you can study the essentials needed to succeed.


Learning objectives are listed at the start of each chapter. This list of key ideas will help guide your learning and study plan and allow you to easily return to topics that you want to review again.


Examples are included to help support your learning of surrounding topics.


Tips are given throughout the book to offer helpful notes, reminders, and strategies to improve your learning.










CHAPTER 1



Introduction to Chemistry




Learning Objectives


In this chapter, you will learn how to:


[image: Images]Distinguish types of matter: i.e., elements, mixtures, compounds, and pure substances.


[image: Images]Identify chemical and physical properties and changes.


[image: Images]Explain how energy is involved in these changes.


[image: Images]Identify and use the SI units of measurements.


[image: Images]Do mathematical calculations by using scientific notation, dimensional analysis, and proper significant figures.





Chemistry is the study of matter and how it changes. Changes in matter are always accompanied by changes in the energy associated with the matter that is changing. Therefore, chemistry investigates matter and energy as well as the changes they undergo as processes unfold. A good understanding of both matter and energy is thus required to understand the world from a chemical perspective.


Matter


Matter is defined as anything that occupies space and has mass. Mass is the quantity of matter that a substance possesses and, depending on the gravitational force acting on it, has a unit of weight assigned to it. Its formula is w = mg, where m is the mass of the substance and g is a gravitational constant. Although weight can vary as the gravitational constant does, the mass of the body is a constant and can be measured by its resistance to a change of position or motion. This property of mass to resist a change of position or motion is called inertia. Since matter does occupy space, we can compare the masses of various substances that occupy a particular unit volume. This relationship of mass to a unit volume is called the density of the substance. It can be shown in a mathematical formula as [image: Images]. The unit of mass (m) commonly used in chemistry is the gram (g), and of volume (V) is the cubic centimeter (cm3), milliliter (mL), or liter (L).




TIP


Matter occupies space and has mass.





An example of how density varies can be shown by the difference in the volumes occupied by 1 gram of a metal, such as gold, and 1 gram of Styrofoam. Both have the same mass, 1 gram, but the volume occupied by the Styrofoam is much larger. Therefore, the density of the gold is much larger than that of the Styrofoam. In chemistry, the typical unit for the density of solids is grams/cubic centimeter and for that of liquids is grams/milliliter. Both of these are temperature dependent. The typical unit for the density of gases is grams/liter at standard temperature and pressure. However, the density of gases is usually much lower than the densities of solids and liquids, which is the reason for the unit of liter in the denominator. This ensures a reasonable amount of mass will be reported for gases. Density is an important differentiating property of matter. It is a quantitative value that can be assigned to all matter based on the definition of matter: anything that has mass and volume.




TIP


[image: Images]





States of Matter


Matter occurs in three states: solid, liquid, and gas. A solid has both a definite size and a definite shape. A liquid has a definite volume but takes the shape of the container, and a gas has neither a definite shape nor a definite volume. These states of matter can often be changed by the addition or subtraction of heat energy. An example is ice changing to liquid water and finally steam.


Chemical and Physical Properties


Physical properties of matter are those properties that can usually be observed with our senses. They include everything about a substance that can be noted when no change is occurring in the type of structure that makes up its smallest component. Some common examples are physical state, color, odor, solubility in water, density, melting point, mass, and weight. All of the properties just listed, except for mass and weight, are independent of the size of the sample of matter being described and are referred to as intensive. The intensive nature of a property does not preclude it from being quantitative, however. Solubility, density, and melting point are examples of intensive properties. They are measured properties and contain numbers in their description. Mass and weight are also quantitative properties of matter but depend on the size of the sample. These types of properties are referred to as extensive.


Chemical properties are those properties that can be observed in regard to whether or not a substance changes chemically, often as a result of reacting with other substances. Some common examples are: iron rusts in moist air, nitrogen does not burn, gold does not rust, sodium reacts with water, silver does not react with water, and water can be decomposed by an electric current.


Classification of Matter


Chemical and physical properties can be used to classify matter. A common scheme first considers the uniformity of the properties in a sample of matter. If the properties of the sample are distributed evenly, the substance is said to be homogeneous. In contrast, substances described as heterogeneous reveal an uneven distribution of properties. Examples of homogeneous matter include iron, sulfur, carbon dioxide, or water. In the case of iron, the sample is uniformly gray, is magnetic, and exhibits a density of 7.9 g/cm3. In the case of sulfur, the sample is uniformly yellow, is not magnetic, and exhibits a density of 2.0 g/cm3. One example of heterogeneous matter is iron with sulfur on top of it in a test tube. Another example is a bowl containing milk with cereal bits floating on its surface. In both of these cases, the properties of the sample are different in various locations in the sample. In the sulfur/iron example, the bottom is gray, magnetic, and of higher density than the top, which is yellow, not magnetic, and of lower density. This sample represents a physical blend of two materials whose overall composition could be varied by adding or taking away some of either part in this combination. Additionally, the properties of those parts are retained in the various sections of the sample. Physical blends of materials, in no particular ratio, in which the properties of the combining substances are maintained are called mixtures. The nonuniform mixture of iron and sulfur in the test tube could be made more uniform and even become homogeneous by vigorously shaking the test tube. Consequently, mixtures could also be homogeneous samples of matter. A familiar type of homogeneous mixture is a solution. As a mixture, solutions have no set constituent proportions but, instead, often display a limited range of composition.


Not all homogeneous matter is a mixture, however. Another type of substance has a uniformity concerning its properties. In this type of matter, the proportions of the substance(s) that make it up are fixed and cannot vary. These are pure substances. Iron and sulfur are each examples of one kind of pure substance, while carbon dioxide and water are each examples of another kind of pure substance. Substances like iron or sulfur are pure because they are 100% of one thing and are called elements. Substances like carbon dioxide and water are also pure because they contain parts that are put together in particular ratios by mass. This type of pure substance is called a compound. Compounds follow one of the basic laws of chemistry called the Law of Definite Composition proposed by Joseph Proust in the late eighteenth century. Like mixtures, compounds are blends of materials. However, compounds are specific chemical combinations. This type of interaction requires the merger of specific quantities of the elements that make up the compound. The elements iron and sulfur can be combined chemically (by heating) to make the compound iron(II) sulfide but only in the mass ratio of 63.5% iron and 36.5% sulfur. Additionally, the set of properties associated with a compound is different from the properties of the elements that make it up. Although the compound iron(II) sulfide contains iron, it is not magnetic.


Mixtures should be recognized as physical blends of elements and/or compounds. As such, they could be separated rather easily by taking advantage of the retained properties of the mixture parts. The iron/sulfur mixture previously referenced could easily be separated by passing it by a magnet. The iron would cling to the magnet, while the sulfur would not. A solution (recall it as being a homogeneous mixture) made of water and alcohol is often separated based on the boiling point differences of the water and the alcohol. This is a process called distillation. Filtration is a physical separation technique that takes advantage of solubility differences, and chromatography is a physical separation technique that utilizes chemical affinity differences.


Compounds should be recognized as chemical blends of elements. As such, they could still be separated but would require a chemical process to do so. The compound water referred to previously is a chemical blend of hydrogen and oxygen. This combination could be undone by passing an electric current through a sample of water. The experimental setup for the electrolysis of water is shown in Figure 1.1.


[image: Images]


FIGURE 1.1 The Electrolysis of Water


Notice that the hydrogen produced on the left is twice the volume of the oxygen produced on the right. This is reflective of the formula for water, H2O. It is also important to recognize that the properties of the hydrogen and oxygen products are different than the properties of the water itself. Noteworthy is the difference in phase between the compound water and the elements hydrogen and oxygen that make up the water.


Chemical and Physical Changes


The separation techniques previously described for mixtures and compounds more broadly involve physical and chemical changes that can happen to matter. In general, a physical change alters some aspect of the physical properties of matter, but the composition remains constant. The most often altered properties are form and state. Some examples of physical changes are breaking glass, cutting wood, melting ice, and magnetizing a piece of metal. In some cases, the process that caused the change can be easily reversed and the substance regains its original form. Water changing its state is a good example of a physical change. In the solid state, ice, water has a definite size and shape. As heat is added, it changes to the liquid state, where it has a definite volume but takes the shape of the container. When water is heated above its boiling point, it changes to steam. Steam, a gas, has neither a definite size, because it fills the containing space, nor shape, because it takes the shape of the container.




TIP


A physical change does not alter the identity of the substance. Chemical change does.





Chemical changes are changes in the composition and structure of a substance. In other words, when a chemical change occurs, new substances are formed. Some examples of chemical change are the rusting of iron, the burning of wood, or the reacting of an acid with a base. These changes are generally not as easily reversed as are physical changes.


Conservation of Mass


When ordinary chemical changes occur, the mass of the reactants equals the mass of the products. This can be stated another way: In a chemical change, matter can neither be created nor destroyed, but only changed from one form to another. This is referred to as the Law of Conservation of Matter and was proposed by Antoine Lavoisier in the late eighteenth century (similar in time to the proposal of the Law of Definite Composition previously described). In large part, because of the specificity associated with each of these laws, and more particularly the fixed nature of matter that each describes, a recognition of the discreteness of matter emerged. In the very early nineteenth century, the so-called Father of Chemistry, John Dalton, postulated the particulate nature matter displayed by these laws. The concept of an atom became accepted on experimental grounds. An atom is the basic unit of an element. The word atom is derived from the Greek word atomos, which means “indivisible” in that language.


Unlike mixtures and compounds, elements are those substances that cannot be broken down by any means (physical or chemical). The reason for this is made clear by describing elements as composed of only one kind of atom. Compounds could then be viewed as chemical combinations containing more than one kind of atom. This explains the chemical formulas associated with compounds. For example, CO2 is the formula for the compound carbon dioxide and H2O is the formula for the compound water. The smallest particle of carbon dioxide is a grouping of one carbon atom and two oxygen atoms. That of water is a grouping of two hydrogen atoms and one oxygen atom. In both examples, there are three atoms with two different kinds of atoms in the grouping. Groupings of atoms like this are referred to as molecules. When the grouping contains more than one kind of atom, the molecule is associated with a compound, like CO2 or H2O. When the grouping contains only one kind of atom, the molecule is said to be elemental, like H2 (elemental hydrogen) or O2 (elemental oxygen). The vast majority of elements are thought of as existing monatomically. For example, the elements carbon and iron are generally described simply by their chemical symbols C and Fe, respectively.


A summary of the classification of matter previously described is seen in Figure 1.2.


[image: Images]


FIGURE 1.2 A Classification of Matter



Energy



The concept of energy plays an important role in all of the sciences. In chemistry, all physical and chemical changes have energy considerations associated with them. To understand how and why these changes happen, an understanding of energy is required.


Definition of Energy


Energy is defined as the capacity to do work or heat things. Work is done whenever a force is applied over a distance. Therefore, anything that can force matter to move, to change speed, or to change direction has energy. Heat is the flow of energy due to temperature differences. The following example will help you understand this definition of energy.


Raising a hammer above a nail about to be pounded into a block of wood stores energy in the hammer. Energy is also stored in the muscles of the arm that has lifted the hammer. When the hammer is brought down to impact upon the nail, the nail will likely be forced to move into the wood and so work is done on the nail. Continuing to pound on the nail will force it to move even farther into the wood but may also result in noticeable heating of the nail. If the nail is unable to move farther into the wood upon additional pounding (perhaps because the wood is very hard), the only thing that will occur is that the nail will heat up. In other words, upon touching the nail with your cooler fingers, the nail will be able to transfer energy to you with a greater capacity than it previously had before being pounded.


Typical units for energy include the joule (J) and the calorie (cal). Each could be used to describe either aspect of energy. However, work is generally reported in joules or kilojoules (kJ) while heat is often given in calories or kilocalories (kcal). The joule is a smaller unit of energy than the calorie, though, with the relationship being 4.184 J = 1 calorie.


Forms and Types of Energy


Energy may appear in a variety of forms. Most commonly, energy in reactions is evolved as heat. Some other forms of energy are light, sound, mechanical energy, electrical energy, and chemical energy. Energy can be converted from one form to another, as when the heat from burning fuel is used to vaporize water to steam. The energy of the steam is used to turn the wheels of a turbine to produce mechanical energy. The turbine turns the generator armature to produce electricity, which is then available in homes for use as light or heat or in the operation of many modern appliances.


Two general types of energy are potential energy and kinetic energy. Potential energy is stored energy due to overcoming forces in nature. Kinetic energy is energy of motion. In other words, by virtue of the fact that matter is moving, it possesses the ability to move other things or to heat them. Potential energy can be converted into kinetic energy by allowing the forces that were overcome to be applied. Consequently, the gained kinetic energy associated with the substance has the same capacity to move or heat things as the substance’s original, but now lost, potential energy. In other words, energy is conserved. These concepts are illustrated in Figure 1.3 by considering a boulder sitting on the side of a mountain. It has high potential energy due to its position above the valley floor since the boulder had to overcome gravity to rest there. If it falls, however, its potential energy is converted to kinetic energy and will move or heat up the matter with which it collides.


[image: Images]


FIGURE 1.3 Conversion of Potential Energy to Kinetic Energy


Conservation of Energy


Experiments have shown that energy is neither gained nor lost in physical or chemical changes. This principle is known as the Law of Conservation of Energy and is often stated as follows: Energy is neither created nor destroyed in ordinary physical and chemical changes. If the system under study loses energy, the reaction is exothermic and the ΔH is negative. Therefore, the system’s surroundings must gain the energy that the system loses so that energy is conserved.


Conservation of Mass and Energy


With the introduction of atomic theory and a more complete understanding of the nature of both mass and energy, it was found that a relationship exists between these two concepts. Einstein formulated the Law of Conservation of Mass and Energy. This states that mass and energy are interchangeable under special conditions. The conditions have been created in nuclear reactors and accelerators, and the law has been verified. This relationship can be expressed by Einstein’s famous equation:


[image: Images]


Scientific Method


In order to classify matter, chemists must observe the properties of the matter they investigate. This act of observation is typically the first step scientists make in discovering the aspects of their discipline. As such, observation is generally recognized as the starting point in the scientific method. The scientific method provides a pathway by which scientists investigate and learn about the world. Although there is no one scientific method, most scientific understanding has been gained by generally following the steps outlined here.


The stages of this process are illustrated in Figure 1.4 below:


[image: Images]


FIGURE 1.4 The Scientific Method


Measurements and Calculations


As previously discussed, a vital part of scientific endeavor involves making quantitative observations or measurements. Every measurement has two aspects: a number and a unit. Once measurements are made, they are typically used to express, explain, or exemplify scientific ideas. In addition, once made they are often mathematically manipulated to better describe the concept under investigation. Therefore, knowing the measurement system typically used, applying a straightforward approach in handling the numbers (which could be very large or very small), and understanding mathematical machinations that may be required are all critical for success.


The International System of Units (SI)


It is important that scientists around the world use the same units when communicating information. For this reason, scientists use the modernized metric system, designated in 1960 by the General Conference on Weights and Measures as the International System of Units. This is commonly known as SI, an abbreviation for the French name Le Système International d’Unités. It is now the most common system of measurement in the world. There are minor differences between the SI and metric systems. For the most part, the quantities are interchangeable.


The reason SI is so widely accepted is due to its straightforward, simple approach. The system includes only seven base units that can be inflated or deflated by the use of prefixes related by a decimal. Quantities other than those described by the base units can be derived by mathematical manipulation of the base units or other derived units.


The six base units that can be used to express the fundamental quantities of measurement are specifically defined within the system.


TABLE 1.1 SI Base Units








	Quantity


	Unit


	Abbreviation







	mass


	kilogram


	kg







	length


	meter


	m







	time


	second


	s







	electric current


	ampere


	A







	temperature


	kelvin


	K







	amount of substance


	mole


	mol










If the magnitude of an SI unit is not appropriate for the object being measured, prefixes can be combined with the unit to adjust the unit’s size. The prefixes represent multiples or fractions of 10. Table 1.2 gives some prefixes commonly used in the SI system.


TABLE 1.2 Prefixes Used with SI Units


[image: Images]


Because of the prefix system, units can be easily related by some factor of 10. Below is a list of some SI unit equivalents for various fundamental quantities.




[image: Images]





There are some interesting relationships between volume and mass units in the SI system. Because water is most dense at 4°C, the gram was intended to be 1 cubic centimeter of water at this temperature.


Temperature Measurements


The most commonly used temperature scale in scientific work is the Celsius scale. For a long time it was called the centigrade scale because it is based on the concept of dividing the distance on a thermometer between the freezing point of water and its boiling point into 100 equal markings or degrees.


The SI temperature scale and unit are related to the Celsius scale and unit. The SI temperature scale is based on the lowest theoretical temperature (called absolute zero). This temperature has never actually been reached, but scientists in laboratories have reached temperatures within about a 100 trillionths of a degree above absolute zero. Sir William Thomson, also known as Lord Kelvin, proposed this scale on which a unit is the same size as a Celsius degree but where the zero mark has been displaced lower. Consequently, it is referred to as the Kelvin temperature scale. In the Kelvin scale, the magnitude of the temperature value is directly proportional to the average kinetic energy of the sample. That’s why the Kelvin scale is often called the absolute temperature scale. The direct relationship between temperature and energy is not the case when using the Celsius scale, in which negative numbers and zero are commonly measured values. For that reason, it is common in calculations involving temperature that values measured in Celsius be converted to the Kelvin scale.


Through experiments and calculations, it has been determined that absolute zero is 273.15 degrees below zero on the Celsius scale. This figure is usually rounded off to –273°C.


Figure 1.5 displays the graphic and algebraic relationships among three temperature scales: the Celsius and Kelvin, commonly used in chemistry, and the Fahrenheit.


[image: Images]


FIGURE 1.5 Temperature Scale Relationships




REMEMBER


The Kelvin unit is designated with K and does not have the “°” symbol.





Derived Quantities and Units


Since there are only seven SI base units but many more than seven quantities that need to be described by a unit, most SI units are constructed through mathematical manipulation of related units. These units are said to be derived. A derived unit is comprised of base or other derived units put together in some mathematical operation that describes the considered quantity. Often, the combination of units is given a name to simplify the expression of the unit. It is common for the name to have been given in honor of a famous scientist who worked in the particular branch of science for which the derived unit is commonly used. Table 1.3 contains some commonly derived quantities, how their units are derived, as well as (perhaps) the name given to the unit.


TABLE 1.3 Derived Quantities and Units


[image: Images]



Scientific Notation


Often the magnitude of a measurement is very large or very small. So the numbers used to express the value can be awkward to describe or to compare with other values. Scientific notation alleviates both of these problems. It uses a standard way to express numbers that easily allows the numbers to be compared. A number written in scientific notation has two factors multiplied by each other. The first factor is a number with only one digit to the left of the decimal. This mandates the number be greater than or equal to 1 and less than 10. In this way, the magnitude of the first factor in any scientific notation will always be somewhat similar in value. The second factor is always expressed as some power of 10. Since the first factor is always similar in magnitude, when comparing scientific notation numbers the exponent on the base 10 can easily be used to compare the sizes of the numbers expressed.




TIP


Scientific notation is based on exponents of 10.







Scientific Notation


First factor × Second factor


(Some number with 1 digit to left of decimal) × (some power of 10)


EXAMPLES


3,400,000 in scientific notation is 3.4 × 106


0.0000034 in scientific notation is 3.4 × 10−6





With large numbers, such as 3,400,000, first move the decimal point to the left until only one digit remains to the left of it (3.400000). Then indicate the number of moves of the decimal point as the exponent of 10 (3.4 × 106). With a very small number such as 0.0000034, first move the decimal point to the right until only one nonzero digit is to the left of it (0000003.4). Then indicate the number of moves as the negative exponent of 10 (3.4 × 10–6).




REMEMBER


Only one digit can be to the left of the decimal point.





Precision, Accuracy, and Uncertainty


Two other factors to consider in measurement are precision and accuracy. Precision indicates the reliability or reproducibility of a measurement. Accuracy indicates how close a measurement is to its known or accepted value.




TIP


Accuracy is how close you have come to the true value.





For example, suppose you were taking a reading of the boiling point of pure water at sea level on a normal day. Using the same thermometer in three trials, you record 96.8, 96.9, and 97.0 degrees Celsius. Since these figures show a high reproducibility, you can say that they are precise. However, the values are considerably off from the accepted value of 100 degrees Celsius, so you say they are not accurate. In this example, you would probably suspect that the inaccuracy was the fault of the calibration of the thermometer.


Regardless of precision and accuracy, all measurements have a degree of uncertainty. This is usually dependent on one or both of two factors—the limitation of the measuring instrument and the skill of the person making the measurement. Uncertainty can best be shown by example.




TIP


Precision is how repeatable the results are.





Significant Figures


Any time a measurement is recorded, it includes all the digits that are certain plus one uncertain digit. These certain digits plus the one uncertain digit are referred to as significant figures. These digits are all reasonably certain because you absolutely know all but the last and have made a guess based on reason for that last one. The more digits you are reasonably able to record in a measurement, the less relative uncertainty there is in the measurement. If a measurement is made and a nonzero value is reported in a place, it had to have been reasonably measured or a value would not be there. The value of 0 may be interpreted in different ways, however. Sometimes it is a significant figure (meaning it is in a measured place), but other times it is not a significant figure (meaning it is simply a placeholder giving proper magnitude to a number). Table 1.4 summarizes the rules of significant figures.


TABLE 1.4 Zero Rules for Significant Figures








	Rule


	Example


	Number of Significant Figures







	All digits other than zeros are significant.


	25 g


	2







	5.471 g


	4







	Zeros between nonzero digits are significant. (They had to have been in absolutely measured places.)


	309 g


	3







	40.06 g


	4







	Final zeros to the right of the decimal point are significant. (The don’t need to be there to express the magnitude of the number; therefore, they must have been measured.)


	6.00 mL


	3







	2.350 mL


	4







	In numbers smaller than 1, zeros to the left or directly to the right of the decimal point are not significant.


	0.05 cm


	
1


The zeros merely mark the position of the decimal point.








	0.060 cm


	
2


The first two zeros mark the position of the decimal point. The final zero is significant.











One last rule deals with final zeros in a whole number. These zeros may or may not be significant, depending on the measuring instrument. For instance, if an instrument that measures to the nearest mile is used, the number 3,000 miles needs to have four significant figures. If, however, the instrument in question records miles to the nearest thousands, there should be only one significant figure. The number of significant figures in 3,000 could be one, two, three, or four, depending on the limitation of the measuring device.


This problem can be avoided by using scientific notation. By convention, the first factor in any scientific notation number used to express a measurement contains only significant figures. For this example, the following notations all indicate different numbers of significant figures:


[image: Images]


Another common way to make zeros significant, when they would not normally be considered so, is to place a decimal point at the end of the whole number when it would not normally be shown. For example:


[image: Images]


Calculations with Significant Figures


When you do calculations involving numbers that do not have the same number of significant figures in each, keep the following two rules in mind.


First, in multiplication and division, the number of significant figures in a product or a quotient of measured quantities is the same as the number of significant figures in the quantity having a smaller number of significant figures.


EXAMPLE








	Problem


	Unrounded answer


	Answer rounded to the correct number of significant figures







	4.29 cm × 3.24 cm =


	13.8996 cm2 =


	13.9 cm2








Explanation: Both measured quantities have three significant figures. Therefore, the answer should be rounded to three significant figures.





Second, when adding or subtracting measured quantities, the sum or difference should be rounded to the same number of decimal places as the quantity having the fewest decimal places.


EXAMPLE








	Problem


	Unrounded answer


	Answer rounded to the correct number of significant figures







	3.56 cm


	 


	 







	2.6 cm


	 


	 







	+6.12 cm


	 


	 







	Total =


	12.28 cm =


	12.3 cm








Explanation: One of the quantities added has only one decimal place. Therefore, the answer should be rounded to only one decimal place.





Dimensional Analysis


Dimensional analysis is a mathematical technique often used by scientists to convert a quantity given in one unit to the same quantity expressed in a different unit. This may eliminate the need to express the number in scientific notation if it is too big or too small to work with easily, thereby expressing the measurement in an appropriately sized unit. For example, you may alter the measured mass of a large sample of iron given in milligrams to kilograms so that it may be more easily compared to other large samples of metals for which you know their mass in kilograms.


To use dimensional analysis, an equation needs to be written that mathematically changes the units of the given value to that of the unknown value. The first part of the dimensional analysis equation begins with the given quantity itself. Next, a fraction that equals 1 is multiplied by the given quantity. In the fraction, the desired units are in the numerator and the units of the given quantity are in the denominator. Since the fraction is equal to 1, the given quantity itself stays the same. The example that follows shows how 155,500 milligrams can be expressed in kilograms. This may be a more appropriate expression of the given quantity based on the quantity’s size.


[image: Images]


Analysis of the equation shows that the mg unit in the given quantity is canceled out by the mg unit in the denominator of the fraction. The unit that does not cancel is then associated with the answer. The mathematical operation is then applied to the numbers to produce the value in front of that unit.
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